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INTRODUCTION TO THE SYMPOSIUM ON PHOTOCHEMISTRY
OF LIQUIDS AND SOLIDS

B y L aw ren ce  J. H e id t , I!1 R obert  S. L ivin g ston , lb E ugene  R a b in o w itch 1c and
F arrin gton  ÜANiELSld

Received October 27, 1958

A sub-committee of the National Academy of 
Sciences— National Research Council is charged 
with encouraging research which may ultimately 
lead to new ways of using solar energy directly as 
light, (i .e ., without preliminary conversion to 
heat). Photosynthesis and the growth of plants 
based on it are a remarkable and all-important 
example of such a utilization of sunlight. Are 
there no other photochemical reactions which 
could be used in this respect? There is no theoret­
ical reason to exclude the possibility of energy 
storing photochemical reactions produced by sun­
light, which would not require a living plant and a 
good agricultural soil.

The members of this committee are listed as 
authors in the title of this introduction. They met 
in October, 1956, to try to evaluate the possibilities 
of using sunlight through photochemical reactions. 
It was evident at once that much more fundamental 
research is needed, and so it was decided to call 
together world experts in this field, to exchange 
ideas and to decide which lines of research should 
be stimulated. Much of the fundamental research 
of photochemistry has been done on gases, but 
gaseous systems are too bulky for practical pur­
poses; so it was decided to limit this symposium to 
fundamental research on :he photochemistry of 
solids and liquids.

The plan of a symposium on the Photochemistry 
of Liquids and Solids was approved by the National 
Research Council, and "he National Science 
Foundation made a substantial grant for its 
support. Professor Lawrence J. Heidt organized 
and conducted the Symposium, which was held in 
the Endicott House in Dedham, Massachusetts 
from September 3 to 7, 1957. There were twenty- 
six participants, including eight from Europe.

(1) (a) Massachusetts Institute of Technology; (b) University of 
Minnesota; (c) University of Illinois; (d) University of Wisconsin.

Although the committee was interested in en­
couraging photochemical research into practical 
utilization of solar energy and in getting new ideas 
which may eventually help to achieve this aim, 
the symposium carried no handicap of being re­
stricted to matters directly related to such practical 
applications.

In addition to the twelve symposium papers, 
now published here in T his Jou rn al , there were 
thirteen other papers, which were more in the 
nature of reviews. All twenty-five contributions 
will soon be published together as a monograph.

The contributions to basic photochemistry which 
follow may be grouped under four headings: (1) 
photochemical reactions in general, (2) fluorescence 
studies, (3) photochemical reactions involving 
chlorophyll, and (4) kinetic studies.

Of the five inorganic photochemical reactions 
described, the photodecomposition of nitrosyl 
chloride dissolved in carbon tetrachloride, described 
by Neuwirth, seems to be of special interest for solar 
energy utilization, because it is an endothermic 
reaction, produced by a wide range of wave lengths 
present in sunlight, and leading to products which 
can be separated, stored and recombined at a later 
time. Of the two products formed, the chlorine 
remains in solution, and the insoluble nitric oxide 
escapes. The two recombine later, when mixed, 
with the evolution of heat.

Parker reports on studies of flash photolysis of 
uranyl oxalate and cobalt oxalate in which long- 
lived intermediates were observed, and important 
information was gained concerning the efficiency 
of electron transfer reactions. In a second report, 
Parker describes two transient products formed in 
the flash photolysis of methylene blue.

Sivertz describes photochemical reactions be­
tween mercaptans and olefins and analyzes the 
role of free radicals in them.

1
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West studies the formation of the latent image 
in silver bromide and the influence of impurities in 
the crystal lattice.

Eggert summarizes the influence of radiation 
on the ignition and detonation of explosives, and 
the transfer of energy in solids.

Fluorescence is a simpler phenomenon than 
photochemical reaction, and fundamental informa­
tion about excited states can be obtained from its 
study. Bowen studies the effect of temperature 
on the fluorescence yields of substituted anthra­
cenes in several solvents, particularly the activation 
energy required for quenching.

Dubois proposes a mechanism for the gas-phase 
fluorescence of /3-naphthylamine, using benzene 
vapor at 150° as photosensitizer.

Chlorophyll is of special significance because it 
absorbs such a large fraction of sunlight and 
because it is necessary in biological photosynthesis. 
Thomas reports induction phenomena in fluores­
cence of different types of chloroplasts and corre­
lates them with photosynthetic enzymes.

Arnold describes experiments on the thermo­
luminescence of dried and preilluminated chloro- 
plast films which showed that five different activa­
tion energies may be involved.

Coleman and Rabinowitch report evidence of 
the photoreduction of chlorophyll in  vivo, derived 
from observations of changes in the absorption 
spectrum which cells undergo during illumination.

R. M. Noyes presents general kinetic considera­
tions applicable to reactions involved in the photo­
chemical storage of energy.

ENERGY STORAGE IN CHLOROPLASTS
B y  W illiam  A rnold  and  H elen  Sherwood

Biology Division, Oak Ridge National Laboratory,1 Oak Ridge, Tennessee 
Received July 11, 1958

Dried chloroplast films that have been illuminated exhibit thermoluminescence. The glow curves have been analyzed 
to give the activation energies associated with this energy storage. The analysis shows that at least five different activation 
energies are involved: one at 0.93 e.v. represents a little less than half of the stored energy, another at 0.69 e.v. is a minor 
part, between these two there are two or three unresolved levels that represent the major fraction, finally, unilluminated 
samples always give a small signal corresponding to an activation energy higher than 0.93 e.v.

The phenomenon of energy storage in dried 
chloroplast films when illuminated was reported 
in a previous paper.2 When the films are heated 
this energy is emitted as red light, showing that an 
activation energy is involved in the process. Evi­
dence was given that not one but rather a distri­
bution of activation energies was needed to explain 
the experiments. The present paper is a more 
detailed study of this distribution of activation 
energies.

M ateria ls  and M e th o d s
Chloroplasts were prepared and the films painted and 

dried on stainless steel disks as described in the previous 
paper.2

The glow curves (that is, the emitted light intensity as a 
function of the temperature or time as the sample was 
heated) were measured as before. However, two modifica­
tions in procedure were introduced. First each sample was 
heated only once. This change was made in response to 
sharp criticism on the part of the biochemists to the re­
peated heating of biological samples to 150°. Second, the 
rate of heating the sample was adjusted so as to make the 
reciprocal of the absolute temperature a linear function of 
time. A schedule of settings of the Variac, that controlled 
the heater, was made by trial and error. Figure 1 shows the 
heating curve used.

The exact mechanism whereby energy is stored in dried 
chloroplasts is not yet known. However two interpretations 
seem to be reasonable.

(1) The chloroplasts act like a semi-conductor and the 
energy is stored as trapped electrons. On heating these 
electrons are released and produce the light. An activation 
energy E  is needed to transfer an electron from the trap to 
the conduction band.

(2) During illumination some high energy compound is

(1) Operated by Union Carbide Nuclear Company for the U. S. 
Atomic Energy Commission.

(2) W. Arnold and H. K. Sherwood, Proc. Nat. Acad. Sci., 43, No.
1, 105 (1957).

formed, that on heating decomposes by a first-order reac­
tion, and emits light. E is the activation energy for the 
decomposition. Either case would be expected to follow 
the differential equation3 

d N
^  =  — N Ke~E lkT (1)

where
N  =  the number of trapped electrons or high energy 

molecules
K  =  frequency factor 
k =  Boltzmann’s constant 
T =  absolute temperature 
t =  time

It is assumed that the signal S, given by the photomultiplier 
used to measure the emitted light, is proportional to —dN/dt.

In the ordinary method of making a glow curve the sample 
is heated at a constant rate /3 so that T =  T, +  Bt where 
To =  the temperature at the beginning of the experiment 
and t =  time from start of experiment. Using this expres­
sion for the temperature equation 1 can be integrated and 
written as

In N  =  -  f  Ke-E/HT,+pt)At (2)
The integral on the right leads to a series in which a great 
many terms must be used, making the comparison with ex­
perimental results very clumsy.

The equations describing glow curves made with the heat­
ing schedule shown in Fig. 1 take on a more tractable form 
using the relation

Equation 1 can now be integrated to give

N  =  NoeQO-'at) (3)
where No — value of N  at start of experiment

Ey
a = T

(3) J. T. Randall and M. H. F. Wilkins, Proc. Roy. Soc. {London).
184, 372 (1945).
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Ke-WkT*

Since the signal S (the intensity of the emitted light) is pro­
portional to — dA'/df we can write

S ------ A  ^  -  A K 0aQe(QU-eal\+o.i)
at

where A =  proportionality constant. S„, the maximum 
value of the signal will occur at the time tm when

^  =  «5(1 -  Qe°<) =  0

so that tm is given by
Qeatm =  1 (4)

and
Sm =  AaN oeW -D

The ratio of the signal at any time to the maximum signal

—— -  —Iml — ea[i — im]) (5)
Am

can be used to give the activation energy E and the fre­
quency factor K.

The experimental data are plotted using S/Sm as the or­
dinate and time as the abscissa. The time of maximum 
signal im is determined by inspection. Equation 5 is then 
used to determine the value of a that gives the best fit to the 
data. Knowing a and tm equation 4 gives the value of Q. 
E and K  then are calculated from the values of a and Q.

1 2 3 4 5 6 7 8 9 10 11 12 13
Time (min.).

Fig. 1.

Results
Glow curves made on dried chloroplasts that 

have not been illuminated always show a small 
signal at the higher temperatures. The magnitude 
of this background signal is different from one 
batch of chloroplasts to another, but no treatment 
is known that reduces it to zero. In the following 
it is assumed that the effect of illumination is given 
by the difference between the glow curve made with 
an illuminated sample and one made on a sample 
held at the same temperature in the dark.

Glow curves made on samples of dried chloro­
plasts illuminated in air by neon light for 12 hours 
at 20° and corrected for background do not cor­
respond to equation 5. The experimental curve 
is much wider than the calculated one, showing 
again that there are several activation energies 
involved. Partial heating before the experiment 
will anneal out that part of the stored energy that 
has the lower activation energy. Figure 2 gives 
data for an experiment made after both the il­
luminated and dark sample had been heated to 
88° and slowly cooled down to 20°. The points 
are the experimental results and the solid line 
has been calculated by equation 5. The activation 
energy E  is 0.93 e.v. and the frequency factor 
K is2.5 X 109 sec.-1.

Time (min.). 
Fig. 2.

Time (min.). 
Fig. 3.

Fig. 4.

The glow curve for that part of the stored energy 
that is removed by annealing is shown in Fig. 3 as 
the dashed curve with a peak at 10 minutes. The 
curve is the difference between an illuminated 
sample and a sample illuminated and annealed. 
The curve can only be fitted to equation 5 by using 
two or three different activation energies, all some­
what smaller than the 0.93 e.v. found before. 
Figure 3 also gives as the solid line the data from 
Fig. 2 and the background signal from a dark 
sample. All three curves are plotted on the same 
scale. As can be seen the activation energy at 
0.93 e.v. represents nearly one-half of all the light 
emitted.

Figure 4 gives a glow curve, made by heating 
at a constant rate, for a sample illuminated in dry 
air at —40°. The curve shows there is a small
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peak at 40° that precedes the main light emission. 
The equations of Randall and Wilkins3 with the 
value of K  as 2.5 X 109 sec.-1 give the activation 
energy for this peak as 0.69 e.v. Unless the sample 
is cooled this peak is largely annealed out during the 
illumination.

During the course of these experiments a number 
of qualitative observations were made that bear 
on the mechanism whereby dried chloroplasts store 
energy. They are summarized in the following 
statements. (1) The composition of the atmos­
phere surrounding the sample during the heating 
seems to have no effect on the glow curve. (2) 
Samples illuminated in air or O2 become charged, 
that is, store energy. (3) Samples illuminated in 
N2 or S02 do not become charged. (4) Neither 
water vapor or C02 seem to have any effect on the 
charging. (5) Air and 02 illuminated with short 
wave length ultraviolet light can charge the 
dried chloroplasts by flowing over the surface in the 
dark. (6) Nitrogen illuminated by ultraviolet 
does not charge the samples. (7) Air illuminated 
by ultraviolet and passed through a strong electric 
field to remove ions will still charge the samples.

Discussion
The two most reasonable explanations of the 

storage of energy in dried chloroplasts arc the trap­

ping of electrons or the formation of some high 
energy chemical compound. The trapping of 
electrons is suggested by the following: (1) at least 
five different activation energies are involved in the 
glow curve. A multiplicity of electron trap levels is 
common in the storage of energy in crystals. (2) 
The spikes in electrical conduction shown in Fig. 4 
and 5 of the previous paper2 would seem to imply 
the freeing of electrons. (3) The value of the 
frequency factor K  of 2.5 X 109 sec.-1 is near to the 
10s-109 sec.-1 suggested by Randall and Wilkins3 
as appropriate for the freeing of electrons.

On the other hand the chemical storage is sug­
gested by: (1) oxygen is needed in order for the 
energy to be stored. If all that oxygen did was to 
trap an electron then S02 would be expected to 
serve as well, and it does not. (2) The fact that air 
irradiated with ultraviolet light can be used to 
charge a chloroplast sample would indicate a 
chemical reaction.

Finally it might be argued that the storage repre­
sents a mixture of electron trapping and chemical 
compound formation. The occurrence of the 
spike in electrical conduction2 at a temperature 
considerably below the temperature of maximum 
light emission may indicate that these two effects 
are different.

THE EFFECT OF TEMPERATURE ON FLUORESCENCE OF SOLUTIONS
B y  E. J. B ow en  and  J. Sahu

Physical Chemistry Laboratory, Oxford University, England 
Received May 19, 1958

Measurements have been made of the effect of temperature on the fluorescence yields of substituted anthracenes dissolved 
in several solvents. 9-Substituted anthracenes show high yields and steep temperature dependencies, while side-substituted 
derivatives have low yields and small temperature variations. The results are interpreted in terms of the following con­
cepts. There appear to be two processes of energy degradation of the excited molecules, a substantially temperature- 
independent one which probably is associated with the singlet-triplet conversion, and a temperature-dependent one having 
a heat of activation of degradation and a dependence on solvent viscosity which may be associated with a direct transition 
from excited to the ground state. Values also are given of fluorescence quenching constants of dissolved oxygen, bromo- 
benzene and carbon tetrachloride for these anthracene derivatives.

Measurement of true temperature effects of the 
fluorescence of solutions is rendered difficult by 
the smallness of the changes and of the compli­
cations inherent in the estimation of the total light 
emitted. Previous attempts to obtain reliable 
results have been subject to uncertainties of magni­
tudes approaching those of the quantities measured. 
Apart from experimental errors due to inconstan­
cies of the apparatus, changes in the spatial distri­
bution of the fluorescence caused by refractive 
index and polarization effects can occasion mis­
leading interpretations of the results.1-2 The cor­
rection to be applied for the refractive index effect 
can be assessed only roughly, as it depends on the 
detailed geometry of the apparatus, and it is suf­
ficiently large in some instances to reverse the 
sign of the change of fluorescence with tempera­
ture. Measurements are here given which were 
made with a new form of apparatus designed par-

(1) E. J. Bowen and K. West, J. Chem. Soc., 4394 (1955).
(2) E. J. Bowen and I). M. Stebbens, ibid., 300 (1957).

ticularly to minimize refractive index and polari­
zation errors.

Experimental
Figure 1 shows the arrangement in section and in plan. 

A 5-liter glass flask was fitted with a tube A for evacuation, 
and with a tube B, reaching to the center, to contain the 
solution. The flask was lightly smoked internally with 
magnesium oxide and painted over the external surface 
with barium sulphate-Cellofas B mixture, except for holes 
to admit the exciting light and to observe the fluorescence. 
After evacuation the flask was thus both a Dewar vessel 
and an integrating sphere. A beam of filtered mercury 
3660 A. light was focussed by lens C on to the tube B, and 
the fluorescence collected from the flask wall at E allowed to 
fall on a spectrometer slit at D. The concentrations of the 
solutions were such as to give practically total light absorp­
tion in tube B, and the liquid level was above the top of the 
light beam to eliminate any effect from thermal expansion. 
This arrangement avoids errors due to changes in the spatial 
distribution of the fluorescence emitted from the solution, 
whether due to refractive index or to polarization effects.

The collected fluorescence light was dispersed by a Hilger 
D 246 spectrometer, with glass prism, to the exit slit of 
which was attached a 13 stage photo-multiplier connected
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to a microammeter. The spectrometer-multiplier com­
bination was calibrated by reference to a tungsten lamp of 
known color temperature so that fluorescence spectra could 
be plotted as relative quanta emitted per equal interval of 
wave number against the wave number. The areas of such 
curves are proportional to quantum yields of fluorescence. 
For the substances used in this work changes of band shape 
with temperature or solvent were slight, and it was usually 
sufficient to compare fluorescence emissions by measure­
ment of the height of a band maximum. As a reference 
standard the quantum yield of a dilute, de-aerated benzene 
solution of anthracene was taken as 0.29.3 The solutions 
contained in tube B, from which dissolved oxygen was re­
moved by a fine stream of pure nitrogen, were heated or 
cooled by the temporary insertion of an inner glass tube, 
terminated by a closed copper-glass seal, into which hot 
water or liquid oxygen could be introduced. Temperatures 
were determined by a dipping Tiermo-junction.

The fluorescent solutes investigated were anthracene 
derivatives dissolved in several solvents. The concentra­
tions necessary to give practically total light absorption 
were fortunately just low enough to make concentration 
quenching changes unimportant. Temperatures ranged 
downwards to —70° for non-freezing solvents and upwards 
to +80° for viscous paraffin.

Results
Figure 2 shows the curves obtained for two 

methyl anthracenes, and Fig. 3 those for two 
dichloroanthracenes. It was found that all the 9- 
substituted anthracenes studied gave yields which 
tended close to unity at low temperatures and which 
fell off steeply at higher temperatures, except for 
the 9-cyano- and 9,10-diphenyl derivatives, which 
gave unit yields in all solvents over the whole 
temperature range. In contrast to this the side- 
substituted derivatives showed flattish yield-
temperature curves whose zero extrapolations 
could not be determined, but which probably do 
not reach unity.

We may write for the 9-substituted derivatives 
the simple scheme

A +  hv------>  A* (1)
A * ---- >  A +  hv' (2)

A1 -----A (3)

From this it follows that (1/F — 1) =  the ratio 
of rates of processes 3 and 2, where F  is the fluo­
rescence yield. This ratio may be set equal to k  
exp( - E / R T ) ,  where E  is the activation energy 
of process 3 and k  is its pre-exponential constant 
multiplied by the mean life of process 2. Values 
of k and E  (cal./mole) so determined are given in 
Table I.

For the derivatives where the curves are flattish 
and the course at lower temperatures uncertain, 
part of process 3 may be temperature independent 
and the equation may need to be of the form

l/F -  K  =  k exp (—E/RT)

As the experimental data are not accurate enough 
to determine K  in this way the values of k and E  
given for them in Table I are evaluated on the 
simpler formula to serve merely as an empirical 
representation of the measurements.

The E  values for the 9-substituted derivatives 
depend upon the nature of the anthracene molecule, 
and are greater for those of higher degree of electron 
delocalization. The variation with solvent is 
comparatively small, but when large changes are

(3) F. Weber and F. W. J. Teale, Trans. Faraday Soc., 53, 646
(1957).

Fig. 2.

made in solvent viscosity there are appreciable 
variations in the constants k  and E .

Table II gives the values obtained for paraffin 
solvents of widely different viscosities, A being 
viscous “Medicinal” paraffin, F a “petroleum 
ether,” E kerosene, and B, C and D mixtures of 
A and F. The viscosity characteristics of these 
liquids were measured and are defined in Table III 
in terms of constants a  and b in the equation: 
T / t j  —  a  exp( — b / R T ) ,  where T  =  absolute tem­
perature and t] =  viscosity (poise). Approxi-
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T a b l e  I
-Solvent-

Petroleum Ethyl Ethyl Chloro-
Anthracene ether alcohol acetate Acetone Toluene form

Unsubstituted k 13 h 7 10.5 7 9.5
E 1100 890 610 860 570 230

2-Methyl k 2.24 3.24 3.54 4.7 10.7
E Small Small Small Small 570

1-Chlore k 11 13 9 10.5 16.5 12
E 260 260 Small Small 260 Small

1,5-Dichloro k 24.5 26.5 21 22.5 24 5
E 480 480 310 310 360 310

9-Methyl k 253 91 100 90 23 31
E 2840 2380 2580 2550 2120 2120

9-Ethyl k 275.5 89 150 75
E 2920 2400 2830 2810

9-Methoxy k 14000 10200 5400 4780 3700 3260
E 5310 4900 4500 4290 4850 4500

9-Phenyl k 40.5 34.5 34.5 23.5 29 43
E 2220 2140 2300 2000 2320 2480

9-Chloro k 1980 1170 725 550
E 3370 3450 3250 3500

9,10-Dichloro k 842 842 404 104 96 134
E 4100 4100 3730 2950 3300 3500

9-Cyano Have a yield of unity in all the solvents
9,10-Diphenyl in the temperature range of —70 +  20°

T a b l e  II
0 —1 _

Anthracene A B c D E F
9-Methvl k 430 420 342 340 335 253

E 3900 3700 3380 3200 3160 2840
9-Ethyl k 645 630 565 553 392 276

E 4175 3950 3730 3580 3320 2920
9-Methoxy k 47000 45000 42500 39200 37200 14000

E 6450 6350 6200 6050 5950 5310
9-Phenyl k 110 104 92 86 62 41

E 3300 3140 2910 2810 2530 2220
9-Chloro k 2000 2000 2000 2110 2110 1980

E 3900 3700 3650 3600 3600 3370
9,10-Dichloro k 1234 928 904 862 850 842

E 4800 4500 4400 4250 4230 4100

T a b l e  III T a b l e  IV
— Solvent------- ---------------------- ., Anthracene E (cal./

A B C D E F derivative k mole) C
Viscosity constants 9-Methyl 65 2000 104
a X IO '6 57500 43.8 4.61 3.26 5.66 5.6 9-Ethyl 50 1900 10“
b, cal./mole 9550 5360 3600 2780 3200 2560 9-Methoxy 10,000 5000 104

mate agreement with the measured fluorescence
9-Phenyl
9-Chloro

2.4
600

1900
2600

4 X  103 
104yields is given by the formula 9,10-Dichloro 270 3400 7 X  103

l/F -  1 =  k exp( -E / R T )  X  T/V/(C +  T/v)
where C  is a constant almost independent of the 
solvent.

Table IV gives numerical values of the constants. 
This equation can be derived from the more elab­

orate scheme

(a) A +  hv — >  A*
(b) Ax — A +  hv'
(c) A* — >• A1
(d) A1 — >• Ax
(e) A1 +  Solv. — >■ A

Rate constant 
1
k f

h  exp( -E / R T )  
k2

UT/r,)

which gives k = ki/kf and C  = k2/k3. Process
(c) represents an excited molecule Ax, stabilized 
by the solvent on its zero vibrational level, re­
ceiving thermal energy and reaching a “crossing

point” to a lower level on the potential energy 
surface; in process (d) it simply drops back to its 
zero vibrational level. In process (e) we imagine 
the molecule A1, while executing vibrational move­
ments at the crossing point, being trapped by in­
ward diffusion of solvent molecules during one of 
its compression phases, so that it loses vibrational 
energy to the solvent and reverts electronically to 
the lower level.

The vapors of anthracene and of 9,10-diphenyl- 
anthracene have fluorescence yields of nearly 
unity, although the viscosity is exceedingly small.4 
This may be ascribed to a much smaller value of 
the constant k3 (which depends on collisional rate) 
for gases than for liquids.

(4) B. Stevens, ibid., 51, 010 (1955).
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The expression given above covers relationships 
found by G. Oster and Y. Nishijima5 for the 
fluorescence of diphenylmethane derivatives and 
by Porter and Windsor for the rate-constants of 
decay of the triplet level of anthracene in solution.6

Excited molecules may revert to a triplet level 
or directly to the ground Level. It is likely that 
temperature-independent changes which appear 
to play a large part for side substituted anthracenes 
characterize the first of these, and that tempera­
ture-dependent ones of the kind discussed above 
relate to the second mode of deactivation.

Measurements also have been made of the 
quenching of the fluorescence of anthracenes by 
dissolved oxygen, bromobenzene and carbon tetra­
chloride. The Stern-Volmer constants were de­
termined and the rate constants for the quenching 
process were evaluated in 1. mole-1 sec.-1 units by 
dividing by the fluorescence yield and by the mean 
life of radiation, the latter value being taken as 
10-8 sec. in the absence of more precise data.7 
The constants for oxygen are given in Table V. 
For solvents of viscosities of those of Table II 
the La Mer theory8 for the diffusion controlled 
bimolecular reaction predicts absolute rates of 
about 100 X 10s; the values found are much 
larger, and the discrepancy cannot be accounted 
for by lack of precision in the value assumed for 
the mean radiational life. It is probable that the 
excited oxygen molecule has a large range of ef­
fective action.

T a b l e  V
0 2 Q u e n c h in g  C o n st a n t s , L. MOLE-1 SEC. -1 X 10-8

Petro­
leum,

Ethyl
aleo- Ethyl Ace- Tolu- Chloro-

Anthracene 80-100° hol acetate tone ene form
Unsubst. 760 635 767 748 515 350
2-Methyl 585 454 670 715 640
9-Methyl 460 545 573 785 607 485
9-Ethyl 658 510 660 620 550 393
9-Methoxy 680 515 655 765 515 440
9-Cyano 173 223 243 210 130
9-Phenyl 510 354 440 460 352 315
9,10-Diphenvl 350 320 355 380 271 226
1-Chloro 435 326 382 463 440 330
1,5-Dichloro 320 336 404 447 380 212
9-Chloro 480 525 555 400 286
9,10-Dichloro 271 345 415 477 390 268

Tables VI and VII give the constants for bromo­
benzene and carbon tetrachloride as quenching 
agents. The values are of comparable magnitude 
and about a hundred-fold lower than those for 
oxygen. Table VIII shows the effect of tempera­
ture. These bimolecular reactions lie just on the

(5) G. Oster and Y. Nishijima, J. Am. Chem. Soc., 78, 1581 (1956).
(6) G. Porter and M. W. Windsor, Disc. Faraday Soc., 1 7 ,  178 

(1954).
(7) E. J. Bowen, Trans. Faraday Soc., 50, 97 (1954).
(8) J. Q. Umberger and V. K. La Mer, J. Am. Chem. Soc.. 67, 1099 

(1954).

T a b l e  VI
C 6H 5B r Q u e n c h in g  C o n st a n t s , l . m o l e -1 se c . -1 X 10 -8

— ---------------------------Solvent---------------------------
Petro­
leum,

Ethyl
alco­

Ethyl
ace­ Ace­ Tolu­ Chloro­

Anthracene 80-100° hol tate tone ene form
Unsubst. 5 .8 7.5 4.4 4.1 4.53 4.5
2-Methyl 6.4 7.5 5.7 8.3 7.3
9-Methyl 2.2 2.48 1.45 1.25 0.4 0 .8
9-Ethyl 1.5 1.74 0.76 0.56 0.38 0.29
9-Methoxy 0 0 0 0 0 0
9-Cyano 0 0 0 0 0 0
9-Phenyl 1.02 2 64 0.82 0.80 0.33 0.24
9,10-Diphenyl 0 0 0 0 0 0
1-Chloro 4 .5 6 0 4.2 5.8 4.2 4.3
1,5-Dichloro 5.7 6 25 4.1 4.2 2.9 3.1
9,10-Dichloro 0 0 0 0 0 0

T a b l e  VII
CCI4 Q u e n c h in g  C o n st a n t s , l . m o l e -1 s e c . -1  X 10-8

Solvent-

Anthracene
Petro­
leum,

80-100°
Ethyl
alco­
hol

Ethyl
ace­
tate

Ace­
tone

Tolu­
ene

Chloro­
form

Unsubst. 3 .4 6 6 .0 45.4 68.3 18.9 12.8
2-Methyl 4.5 36.6 41.0 69.0 35.0
9-Methyl 3.95 47.0 49.5 90.0 30.6 24.0
9-Ethyl 2.9 37.6 40.0 66.5 23.0 15.8
9-Methoxy 15.6 65.5 61.0 97.0 46.4 53.7
9-Cyano 0 0 0 0 0 0
9-Phenyl 1.68 20.2 18.0 31.0 8.0 8.8
9,10-Diphenyl 2.5 12.5 10.9 19.7 4.85 4 .4
1-Chloro 0 2.5 6.5 13.8 2.2 1.65
1,5-Dichloro 0 Q 0 1.8 0 0
9,10-Dichloro 0 0 0 0 0 0

T a e l e  VIII
E ff ect  of T e m p e r a t u r e  on  Q u e n c h in g  C o n st a n t s0
Solvent -5 0 -3 0 -10 +  20 +  40 +  00°

Petroleum, B 5.8 5.9 5.8 5.9
b.p. 80- 
100°

C 1.4 1.9 2.6 3.4

Kerosene B 6.2 6.2 6.3
C 2.3 3.4 5.1

Viscous B 1.9 2.8 3.2
paraffin C 3.4 3.9 4.8

Ethyl alco­ B 6 .4 6.8 7.0 7.5
hol C 19 29 41 66

0 B = bromobenzene and C — carbon tetrachloride.

point where the controlling influence ceases to be 
diffusion. The bromobenzene constants are not 
very dependent on solvent or on temperature, in 
contrast with those for carbon tetrachloride. This 
would indicate that polarizability and the need for 
appreciable activation energy plays a larger part 
with the latter substance, and this may be cor­
related with the fact that bromobenzene quenching 
is a spin-reversal effect due to the heavy bromine 
atom while carbon tetrachloride quenching in­
volves actual chemical reaction.9

(9) E. J. Bowen and K. K. Rohatgi, Disc. Faraday Soc., 14, 146 
(1953).
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THE SENSITIZED FLUORESCENCE OF d-NAPHTHYLAMINE. 
A STUDY IN TRANSFER OF ELECTRONIC ENERGY

B y  J e a n  T. D u b o is

Aeronautical Research Laboratory, Wright-Palterson A ir Force Base, Ohio 
Received July 11, 1958

The gaa phase sensitized fluorescence of jS-naphthvlamine was studied at 150° using benzene as photosensitizer. Amine 
pressures of 0.53 and 1.25 mm. were used. A kinetic mechanism for the transfer of electronic energy is proposed.

Introduction
While studying the effect of foreign gases on the 

fluorescence of /3-naphthylamine, Neporent1 noticed 
that at a wave length of excitation X2537 A .  
benzene enhances the vapor fluorescence of /3- 
naphthylamine to an extent which cannot be ac­
counted for on the sole basis of vibrational stabili­
zation of the electronically excited amine (see 
Table I). Noting that benzene absorbs energy at 
X2537 A .  and that its internal filter effect would 
tend to diminish the fluorescence rather than in­
crease it beyond the expected value, be ascribed the 
phenomenon to a transfer of electronic energy from 
the benzene. Thus benzene was sensitizing the 
fluorescence of /3-naphthylamine (the measuring 
instrument being sensitive only to the amine fluo­
rescence). At other wave lengths where the 
absorption by benzene is negligible, Neporent also 
showed that the presence of this gas merely re­
moves the excess vibrational energy of the excited 
amine and that this effect is almost identical to that 
of pentane at the same wave length.

It is the purpose of this paper to confirm quan­
titatively Neporent’s observations, to present new 
data on this system and to put forward a kinetic 
interpretation of the phenomenon.

Experimental
A. Materials.—/3-Naphthylamine was supplied by the

J. T . Baker Chemical Company and purified by sublimation 
at 110°. Benzene was a certified reagent from the Fisher 
Scientific Company and was further purified by distill­
ing a middle-third fraction into a break-off seal..

T able  I
N eporent ’s R esults on the E nhancement of the V apor 
F luorescence of /9-Naphthylamine  in the Presence of 

B enzene at  150° and X 2537 A.
Amine pressure =  0.53 mm.

Z  X  10-8, 1 2 3 4 5 G 7
sec.-1

F,/F, 1.60 2.08 2.38 2.70 3.00 3.25 3.50

T able II
N eporen t ’s R esults o n  the E nhancement o f  the V apor 
F luorescence o f  /3-Naphthylamine in  the Presence o f

Pentane  at 150° and X 2537 Â.
Amine pressure -  0.53 mm.

Z  X  10-8, 1 2 3 4 5 6 7
sec.-1

F./F, 1.12 1.33 1.50 1.70 1 85 2.08 2.25

B. Apparatus.— The benzene was stored and measured 
in a conventional manner as shown in Fig. 1; however, to 
prevent any contact with stopcock grease a special valve V 
was used. This simply consists of a fritted disk filter, each

(1) B. S. Neporent, Zhur. Fiz. Khim.., 24, 1219 (1950).

side of which is connected to a mercury reservoir and to a 
branch of the system. The fritted disk is not penetrated 
by the liquid mercury but allows the gases to flow' freely. 
The optical arrangement shown on the same diagram is also 
of conventional design. Filter F, used to remove the tail 
end of the fluorescence spectrum of benzene, consists of 5 
ordinary microscope specimen-glass-slides. In this way 
the photomultiplier tube responded only to the amine fluores­
cence. Quartz lens L was positioned such that a complete 
image of the quartz cell was incident on the sensitive surface 
of the photomultiplier. This was done to eliminate effects 
on the signal, of the shifting of the center of absorption in the 
reaction cell, with increasing pressure of benzene. This 
problem can also be solved by using frontal illumination, in­
stead of sighting the fluorescence at 90° to the exciting beam, 
providing that the fluorescence signal is not too weak. All 
of the electronic components were stabilized by a Stabiline 
1E5102R Voltage Regulator. Furnace wdndings for the 
reaction cell, the amine supply and the all-metal valve were 
regulated by Sola Transformers. Temperatures at the re­
action site, for the amine supply and at the all-metal valve 
were measured with iron-constantan thermocouples and a 
Leeds and Northrup Portable Precision Potentiometer No. 
8662. The photomultiplier tube was operated at 1000 volts 
and the signal was fed to a Leeds and Northrup 69870 Speed- 
omax G Current Recorder.

C. Procedure.—The light source and all of the electronic 
equipment were turned on about one hour before measure­
ments were made. During that period a vacuum of about 
10-3 mm. was established in the hot cell (ca. 150°). A first 
reading was made to establish a correction for small amounts 
of stray light. This was done by actuating a shutter in the 
path of the exciting beam. Valve K  was closed and the 
amine supply temperature raised to obtain the desired pres­
sure of the fluorescer. Allowing equilibrium to be estab­
lished, a second reading was taken as before. This reading 
when properly corrected w'as recorded as Fa, the fluorescence 
intensity of the fluorescer at zero pressure of the sensitizer. 
Next, a pressure of benzene was introduced into the line, 
valve K was opened momentarily and after allowing time 
for equilibrium to be reached, a third reading was taken as 
previously. This reading, when corrected by the first was 
recorded as F, the fluorescence of the mixture at pressure 
p mm. of the sensitizer. For each fluorescence reading a 
simultaneous observation was made of the photomultiplier 
voltage, the temperature of the amine supply, the tempera­
ture of the reaction cell, and the pressure of sensitizer as read 
on a mercury manometer. It was imperative that the ex­
citing beam be allowed to shine on the reaction cell only 
momentarily while taking a fluorescence reading, because of 
a photosensitized decomposition of benzene with excited 
mercury atoms, resulting in a decrease in the transparency 
of the cell window's. Small deposits on the wdndow's can 
be pumped off in a few hours when the cell is hot. Thus it 
was thought preferable to cool the amine supply and pump 
on the hot cell after each fluorescence reading. In this wray 
it was possible to obtain reproducible results.

Results
The effect of benzene on the vapor fluorescence 

of /3-naphthylamine at X2537 A .  was measured 
at c a . 150° for amine pressures of c a . 0.53 mm. and
1.25 mm. The experimental points, expressed 
as F / F (n the ratio of the fluorescence of the amine 
at a pressure p  mm. of benzene to that at zero 
pressure of benzene, are shown in Fig. 2. Smooth 
curve A in that figure also represents the average
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of Neporent’s results at an amine pressure of 0.53 
mm. It is noted that the scattering in the data is 
much less at the higher pressure of the amine. 
This is to be expected in view of the larger amount 
of fluorescence available at the higher pressure 
and also because of the reduction in the photo­
sensitized decomposition of the benzene.

Discussion
When /3-naphthylamine absorbs radiation X- 

2537 À. directly, it is raised to a high vibrational 
level of its first singlet excited electronic state. 
During the lifetime of the excited state the mole­
cule may fluoresce or undergo a radiationless transi­
tion, the rate of which depends on the vibrational 
energy content of the molecule. In general, 
collisions with foreign gases which do not react with 
the excited amine and which are transparent to the 
exciting radiation remove vibrational energy from 
the excited state and increase the relative rate of 
fluorescence. This process is referred to as vi­
brational stabilization and has been submitted to 
kinetic analysis.2

Using this treatment for the vibrational stabili­
zation of the amine and adding the following steps 
to take care of the simultaneous excitation of the 
fluorescer by sensitization with benzene

s +  h v ---- >  S* /as
s* +  F — ^  S +  F, ks
s* ---- >  S +  hv 1 kfs
s* ---- >- Radiationless decay ki

where S =  sensitizer, S* =  excited sensitizer, F = 
fluorescer, Ft =  high vibrational level of the elec­
tronically excited fluorescer, one arrives at the 
expression

F t =  \ . I t ,  K , ( F )
Fo I (7,f)o (7af)o X  'K . ( F )  +  K ,  +  K ¡ , (1)

In this equation 7Î1S and I af refer to the radiation 
absorbed by the sensitizer and by the fluorescer, 
respectively, (7af)o refers to the absorption by the 
fluorescer at zero pressure of the sensitizer, and 
V, as derived in ref. 2, is
V  =  ----- ------ i 1 --------7??------- ]-------------TiTsZ2------------- ,

1 F  t,Z I T  ( 1  +  tzZ) T  ( 1  +  T1Z)(1 + T3Z)
______________r t T j .  ■ . T „ Z n  l______________/ m

(1 +  TjZXl +  t£ ) . . . ( 1  +  y >
where Z  =  number of collisions suffered per second 
by a naphthylamine molecule with benzene mole­
cules and the t’s are the lifetimes of the naphthyl­
amine molecules in various vibrational levels 
Ei, E2, Eg,..., etc.

The first factor in the complete expression for 
Fz/ F n gives the fluorescence change due to the 
sensitization process and to the redistribution of 
light absorption in the two-component system, 
whereas the factor V  gives the enhancement due to 
vibrational stabilization.

If the total number of quanta absorbed by the 
benzene u'ere useful in exciting the fluorescer 
molecules we would have

K , ( F )
K S( F )  +  K i  +  K „ =  1 = } (3)

In general this fraction will be <  1 and we can denote 
it by“/ . ”

(2) M. Boudart and J. T. Dubois, J. Chem. Phys., 23, 22 3 (1955).

Vac.
Fig. 1.— S, Hanovia S-100 mercury lamp; L, quartz 

lenses; M, Gaertner L234-150 quartz monochromator; 0 , 
electrically heated oven with quartz windows; separate 
heating coil for amine supply; K, all-metal Hoke packless 
valve, type 413; Ki, stopcock; F, filter; P, RCA 1P21 
photomultiplier: PS, power supply Model 710PR, Fürst 
Electronics; G, Speedomax G recorder; T, cold traps: 
Man., mercury manometer; C, mercury cut-offs; V, special 
valve; Me, McLeod; Re, benzene reservoir.

0 10 20 30 40 50 60 70 80 90
Benzene P, mm.

Fig. 2.— O, experimental points at 0.53 mm. pressure of 
/3-naphthylamine; C, experimental points at 1.25 mm. pres­
sure of /3-naphthylamine. Solid curve “ A”  represents the 
average of Neporent’s results at amine pressure 0.53 mm. 
Solid curve “ A”  as well as the dashed portion also represent 
the calculated results based on the mechanism developed in 
the Discussion. Solid curve “ B”  is a calculated curve based 
on the same mechanism, for the amine pressure of 1.25 mm.

Using for V  the values of pentane at X2537 A. 
as found by Neporent1 and shown in Table II, 
calculating 7as and / al- from known values of the 
molar extinction coefficients for benzene and /3- 
naphthylamine, and choosing for the sake of argu­
ment a value of /  =  1, one obtains curve “A” of 
Fig. 3 for amine pressure 0.53 mm. If on the other 
hand for the same system, one assumes that vi­
brational stabilization plays no role during the 
process of sensitization, i.e., V  =  1 and the amount
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Z  X 10-', sec.“ 1.
Fig. 3.— A, calculated from equation 1 assuming that all 

of the energy quanta absorbed by the benzene are trans­
ferred to the amine; B, calculated from equation 4 with the 
same assumptions as for “ A.”

of fluorescence by direct absorption by the fluo- 
rescer is kept small, equation 1 becomes

F t I  i t  , I I I  „  _______ K , ( F ) ______  ...
Fo (/.do 'r  (/.do K . ( F )  +  K t  +  K t .  w

which for / = 1 is represented by curve “B” in 
Fig. 3.

In calculating the curves shown in the figure, the 
distribution of light for component “A” in a mixture 
of “A” and “B” is taken as

(fraction)* =  —tt K̂ K—tt  {1 -  10- ( eAc'A+ <BC'B)d}/o
€ A ^ A  ~ T  €B< B

Equation 1 can be rewritten

the energy in the low vibrational levels of its elec­
tronically excited state. The postulated mech­
anism then must be modified to include a step 
which reduces the size of the quanta absorbed by the 
sensitizer and at the same time preserves the 
form of equation 4. This is done easily by con­
sidering the scheme

-
i * ‘ 1 .  K.

hv.
1

0 ^  

/Ci i i
1

sensitizer fluorescer

with the result that
F_ h t , h i  v  K,(F ) Kt
Fa (/.do (/.do Ki(F) +  Ki K t +  Kt,

(/.Do +  (Ado X  9
where

(5)

(6)

5 =  oi)
« =  the external transfer efficiency 
ii =  the internal transfer efficiency

The idea that benzene deactivates to a lower 
electronic level before transferring its energy to the 
amine is a natural one since the fluorescence ef­
ficiency of benzene is low and also because ben­
zene is known to have a low-lying triplet state at 
X3400 A. (observed in phosphorescence) and that 
the latter is practically in perfect resonance with 
the 0-0 transition in /8-naphthylamine (29,200 
cm.-1)- From equation 6, the quantity

, ,  (/ado Ini/ht =  if r o

is independent of sensitizer pressure. The results of 
such a plot are shown in Fig. 4. For amine pres­
sures of 0.53 and 1.25 mm., J was found to be 0.83 
and 0.92, respectively. The large values of 5 thus 
calculated indicate that both intra- and inter- 
molecular energy transfer processes are very ef­
ficient in this case. Of course we already know 
that the internal transfer process for benzene is 
very efficient since the fluorescence efficiency for

F,
Fo

eyCr
ofC f  +  esCs

[1 —  lQ -d (tv C F  +  «sCs)j -f- f <aCa
«fCf +  cats

( i _  10- ¿(«fCf-f-esCs) ]

1 — 10-4<f(Cf)o

Errors in the chosen values of the molar extinction 
coefficients will change the value of “/” necessary 
to match the experimental data but will not change 
the shape of the F z/F0 curve from which the con­
clusions are drawn. With concentrations in moles/ 
liter the values of e at X2537 A. were: benzene 
(162), /3-naphthylamine (2600). The experimental 
cell was 2 cm. long. For calculations of “ Z "  the 
following diameters were used: benzene (5.7 A.), 
/3-naphthylamine (7 A.).

Comparing Fig. 2 and 3 it would seem that only 
by assuming that vibrational stabilization plays no 
role in the system considered can one arrive at 
analytical expressions of the general form obtained 
by experiment. If this assumption is correct, 
one must conclude that somehow the amine receives

that molecule is no more than about 5%. If we 
denote the fluorescence efficiency by y  then

g =  g .(F )
1 -  y  K ,(F ) +  K i (7)

Thus from experimental determinations of and 
y  a value could be obtained for the intermolecular 
transfer efficiency. Furthermore, since from equa­
tion 7

1
TmA’ i (8)

values of K s, the rate constant for intermolecular 
transfer of electronic energy can be calculated



Jan., 195fl I gnition  of E xplosives  by  R adiation 1 1

if the lifetime rm of the metastable state of ben­
zene is known. Many of the experimental values 
needed to carry out these interesting calculations 
are not known with certainty. The experiments 
presently reported permitted the elaboration of a 
plausible scheme for the phenomenon studied 
and point the way to further research in this area.

A scheme involving self-quenching of the sen­
sitizer could explain the above results without 
supposing deactivation to and transfer from the low- 
lying metastable state. However, observations in 
this laboratory as well as elsewhere3 indicate that 
self-quenching in benzene is relatively unimportant.

It is also of interest to note that because ¡3- 
naphthylamine appears in its lowest vibrational 
states, in the process under consideration, the sys­
tem behaves (from the point of view of electronic 
energy transfer) in the same manner as a liquid 
or solid system where vibrational energy is dis­
sipated rapidly. In a recent publication on sen­
sitized phosphorescence in organic solutions at low 
temperatures, Terenin and Ermolaev4 represent 
the dependence of naphthalene phosphorescence 
sensitized by benzaldehyde at fixed concentrations 
of the phosphorescer by

h  =  Inn. (1 -  e- “ )
where

/„  =  phosphorescence intensity of naphthalene at concn.
“ c”  of benzaldehyde. which absorbs the exciting 
radiation

Iiim =  the saturation level of intensity
a =  constant
This equation is algebraically equivalent to our 

equation 6, for a system where the fluorescer is 
completely transparent to the exciting radiation.

(3) P. Pringsheim, “ Fluorescence and Phosphorescence,”  Inter­
science Publishers, New York, N. Y., 1949, p. 265.

(4) A. Terenin and V. Ermolaev, Trans. Faraday Soc., 52, 1042 
(1956).

3

0 ---------- .---------- •---------- ■---------- ----------- *---------- ----------- -
10 20 30 40 50 60 70

Pressure, mm. (sensitizer).

Fig. 4.— Experimental test of equation 6, for two values of 
/S-naphthylamine pressure.

It is of interest to note what other information or 
applications are latent in this relatively simple type 
of experiment.

Having an experimental value of K s, the rate 
constant for transfer of electronic energy and as­
suming no activation energy for the transfer process, 
one can calculate an effective cross-section. Cross- 
sections for reactions of electronically excited 
species are known to differ from those for normal 
species but a 'priori calculations are not possible 
using current methods.

Finally, it is an observation in radiation chemis­
try that small amounts of aromatics stabilize 
certain compounds which otherwise decompose 
easily when subjected to the radiation. This sta­
bilization effect is explained by employing energy 
transfer processes to the aromatic. Since the trans­
fer process from benzene can be very efficient, the 
reverse process, using benzene as an energy sink, 
also can take place efficiently under certain con­
ditions.

Ackowledgment.— The author wishes to ac­
knowledge helpful conversations with Dr. Michel 
Boudart and Dr. Brian Stevens.
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In the known experiments of Norrish2and Porter2 the radiation, which is emitted as very high energy within milliseconds 
by suitable electric discharges, serves to dissociate gases, such as chlorine, into atoms or radicals. In these cases the ab­
sorbed energy is consumed in making possible one or several chemical processes; the system reacts exclusively with the 
absorbed energy, even if it returns to the original state in some cases by dark reactions afterwards. In this case the absorbed 
energy is therefore stored as chemical energy; the system operates just as a plant during the photosynthesis. Principally 
different is the behavior of a mixture of chlorine and hydrogen; for chlorohydrogen can be caused to detonate by sufficiently 
large quantities of absorbable radiation and is converted to hydrogen chloride even by radiation of lower intensity with a 
high quantum yield (of the order of y> =  106), because in this “ endothermic system”  chain reactions may occur, as Bodenstein 
and later Nernst have shown. The impulse for the chain, as previously, is given by the photolytic formation of chlorine 
atoms. They react according to Cl +  H2 —>• HC1 +  H, H +  Cl, — HC1 Cl with continuous production of HC1 mole­
cules and with continuous alternating delivery of H and Cl atoms until either the chain is broken by trapping of the atoms 
(mutually or by reaction with foreign substances), or until the entire mixture completes the reaction explosively, i.e., thermi- 
cally.

In Zürich we tried for some time to find the an­
swer to the question whether solid compounds 
of endothermic character like chlorohydrogen- 
gas mixture can also be caused to detonate by a

(1) J. Eggert, Physik. BL, 10, 549 (1954).
(2) (a) R. G. W. Norrish, Z. Elektrochem., 56, 705, 712 (1952); 

(b) G. Porter and F. J. Wright, ibid., 56, 782 (1952).

sufficiently large amount of radiation. Principally 
such systems should be found among the explosives, 
particularly among those which in other respects, 
especially mechanically, also possess a high degree 
of sensitivity. The first representative which we 
found was nitrogen iodide (NH3NI3) which as 
brown-black powder can be ignited by the radiation
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T a b l e  I
Detonation temperature in °C. (IV), electrical energy of the discharge in w.s. (V), irradiated energy in w.s./cm.2 (VI) for 
electronic flashes of 0.8 ms. duration as minimal values of the radiation to produce detonation for some endothermic com­

pounds (I and II). Compounds in powder form, originally at room temperature.

I I I I I I I V

V
D is ­

charge
VI
Irr.

energy
(Compound) (Formula) (Appearance) ( D . T . ) energy i.e.

1 Nitrogen iodide n i 3n h 3 Brown-black 50 19 0 .16
2 Silver nitride Ag3N Black 100 24 0 .20
3 Cuprous acetylide Cu2C2 Brown-black 120 75 0 .63
4 Silver acetylide (alk. ppt.) Ag2C2 White 165 95 0 .79
5 Silver acetylide (neutral ppt.) Ag.Cs-AgNOs Yellowish white 225 230 1 .9
6 Mercurous acetylide Hg2C2 Light gray 280 >350 > 2 .8
7 Mercuric acetylide HgC2 White 260 180 1.5
8 Silver azide AgN3 White 250 310 2 .6
9 Lead azide Pb(N3)2 Yellowish-white 350 240 2 .0

10 Mercuric azide Hg(N3)2 White 270 310 2 .6
11 Silver fulminate AgONC White 170 250 2 .1
12 Mercuric fulminate Hg(ONC)2 Light gray 190 200 1.65
13 Diazobenzene nitrate C c H i N j O a Yellowish 90 110 0 .92
14 Diazobenzene perchlorate C6H5N2C10< White 155 110 0 .92
15 p-Diazodiphenylamine perchlorate C12H10N3ClO4 Yellow 170 95 0 .79
16 Ammonium perchromate (NH4)3Cr08 Red-brown 90 135 1.10

of electronic flashes with remarkable reproduci­
bility with regard to the incident minimal energy. 
In sunlight, however, the nitrogen iodide undergoes 
a slow decomposition because the radiation inten­
sity furnished by the sunlight is insufficient to 
trigger the detonation.

During the course of our investigation we found 
a series of other compounds having the same prop­
erty (Table I). The magnitude of the detonation 
energy (cols. V and VI) indicate that highly 
colored compounds (col. I ll)  are more “ sensi­
tive”  than those which are white (colorless) and 
therefore absorb less of the incident energy. 
Column IV also indicates that there is a distinct 
correlation with the detonation temperature,

i.e., that temperature at which the explosive deto­
nates in the dark (on rapid heating); high deto­
nation temperatures correspond to high detonation 
energies; we shall discuss this point later.

Let us consider first the case of nitrogen iodide 
which my co-worker B. Meerkamper3 has investi­
gated.

According to older experiments it could be ex­
pected that the compound would decompose ac­
cording to

NHjNIj +  hp — s- N2 +  3HI

The hydrogen iodide formed reacts further accord­
ing to

3HI +  3NH3NI3 4NTRI +  1.5N2 +  4.51,

so that the quantum yield should be at least <p =  
4, provided that this value is not still greater be­
cause of the energy liberated during the decompo­
sition (60 kcal./mole). Surprisingly it was found 
that the value ip =  4 is far from being reached, 
even with intense, but for detonation inadequate 
irradiation, but amounts only to <p =  0.15 to 
maximally <p =  0.6 (at 21° and 15 torr.) according 
to the conditions. The lower values were observed 
in an ammonia atmosphere, the higher ones in air. 
In the presence of NH3 therefore the major part of 
the primarily formed HI is trapped; it cannot react 
farther and we observe the low yield ¡p =  1/4; 
0.6 =  0.15. On the other hand, this figure shows 
that every 7th quantum only leads to a decompo­
sition of the nitrogen iodide, while the others are 
converted into heat without taking part photo- 
chemically or thermally in the decomposition of 
the nitrogen iodide. So the absorbed radiation can 
act either purely photocherrically or it can cause 
the decomposition of the substance by local heat­
ing, i.e., thermally. This is supported, inter alia, 
by the fact that the decomposition on irradiation 
has a temperature coefficient exceeding 1 (r =  
2.3) for the range from 18.5 to 25°). In order to 
decide this question, Berchtold4 carried out the

(3) B. Meerkämper, Thesis No. 2202, E T H  Zürich, 1953; Z. Elek-
trochem., 58, 387 (1954).

Fig. 1.— Pictorial record of the detonation of nitrogen 
iodide initiated by an open spark, 27 jus. after release of the 
initiation spark. The separation of the sound wave emanat­
ing from the explosion from the smoke is plainly visible. 
The also visible sound waves from the spark are kept away 
from the sample by the glass plate.
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irradiation of nitrogen iodide with the compound 
in concentrated aqueous ammonia so that the HI 
secondary reaction as well as thermal effects were 
practically excluded. Actually the quantum yield 
decreased from <p =  0.15 to 0.06 and the tempera­
ture coefficient from r = 2.3 to 1.1. This indi­
cates that the “ slow”  decomposition of the dry 
nitrogen iodide on irradiation with high intensity 
light sources is largely photothermal and to a 
minor part, only about 5-10%, of photochemical 
nature. Consequently we observed a pronounced 
ignitability for dry nitrogen iodide, a lower one for 
water-moistened, and none at all for ammonia-wet 
compound. The small purely photochemical con­
version with “ throttled”  secondary reaction is 
insufficient to initiate the detonation.

The detonation of the hydrogen iodide itself also 
furnished various illuminating observations by 
means of high speed cinematography. Reference 
to Fig. 1 anticipates the objection that the initiation 
may not be caused by radiation but by a mechanical 
impulse (pressure wave). The deduction from 
Fig. 1, of course, does not exclude that the sub­
stance may be ignited by a pressure wave as was 
shown by special experiments.

The initiation of the other compounds listed 
in Table I was purely photothermal. The fol­
lowing experiment proved this. The explosive was 
first ignited at room temperature (20°) by light 
flash, and the electrical energy of the discharge 
tube required was entered in a diagram in the 
manner of Fig. 2. The minimal energy (in w.s.) 
required for the initiation was determined, after 
the compound had been raised to a higher tempera­
ture as rapidly as possible. Figure 2 shows the 
curve obtained in this manner for silver acetylide 
(precipitated from acid solution). We see that 
the initiation energy decreases with increasing 
temperature of the compound and converges toward 
zero at the (dark) ignition temperature of 225°. 
Consequently the radiation has to supply only the 
amount of energy which is required to heat the com­
pound surface until it reaches the ignition tempera­
ture (col. IV of Table I). Analogous observations 
were made with nitrogen iodide3 and lead azide4 5 
(Figs. 3 and 4).

There are several reasons why, on the other hand, 
the initiation energies J for the compounds listed 
in Table I (all irradiated at room temperature) 
are in loose relationship only to the corresponding 
ignition temperatures t (col. IV), so that there is no 
simple function J — f{t) in this case. Firstly, the 
spectral absorptivities of the compounds differ so 
that they take up different fractions of the inci­
dent energy; secondly, the compounds have dif­
ferent thermal capacities, and finally they differ 
in heat conductivity. All these properties, however, 
determine the heating of the surface layer to the 
ignition temperature, so that we can hardly expect 
another pattern than the series of dots given in 
Fig. 5 for the value pairs recorded in Table I 
for initiation energy (col. V) and initiation tempera­
ture (col. IV). The distribution of the dots shows

(4) J. Berchtold, Thesis No. 237b, ETH Zurich, 1954.
(5) F. Eggert and J. Berchtold, N a t u r w is s ., 4 0 , 55 (1953;.

Fig. 2.— The energy of the flash lamp required for the 
ignition of silver acetylide (AgC2, AgN03) in relation to the 
initial temperature of the sample.

-8 0  -6 0  -4 0  -2 0  0 20 40 55 80
Temp. (°C.).

Fig. 3.—The energy of the flash lamp required for the 
ignition of nitrogen iodide (NH3NI3) in relation to the initial 
temperature of the sample.

0 50 100 150 200 250 300 350 400
Temp., °C.

Fig. 4.— The energy of the flash lamp required for the 
ignition of lead azide, Pb(N3)2, in relation to the initial tem­
perature of the sample.

that the effect of the ignition temperature is domi­
nant over the other factors mentioned.

This, however, holds true for a certain duration 
of the radiation only, which in our case amounted 
to 0.8 ms., and is valid for a certain layer thickness 
of the compounds investigated. In order to study 
these two factors we ised silver nitride (Ag3N) 
as test object. Like the other compounds this 
substance can be prepared as a loose powder, but
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Fig. 5.— Graphic representation of the value pairs: initia­
tion energy I.E. and initiation temperature D.T. from Table 
I for some endothermic compounds (same numbering).

Fig. 6.—The minimum radiation (w.s./cm.2) required for 
the ignition of silver nitride mirrors in relation to the layer 
thickness of the mirror (ja). The detonation does not spread 
to the left of the arrow.

Fig. 7.— Flash print of a line original on a silver nitride 
paper. The black AgiN coating has been destroyed bv the 
detonation in the bright areas so that the paper base is vis­
ible through a silver haze; in the dark areas the Ag3N coat­
ing has gradually changed to silver.

Fig. 8.— Effect of the exposure time (ms.) on the minimal 
radiation energy (w.s./cm.2) required for the ignition of 
silver nitride.

under suitable experimental conditions it can also 
be precipitated on smooth surfaces as uniformly 
dense mirror-like deposits of variable thickness.

We noticed that silver nitride as powder layer 
and as mirror deposit of about 1 g thickness (on 
glass) requires the same irradiation of at least 0.2
w.s./cm.2 for ignition. If we systematically de­
crease the thickness, the ignition sensitivity of the 
mirror decreases at first slowly (as indicated by the 
curve of Fig. 6), then rapidly, as is evident from the 
minimal values for the radiation intensity (re­
quired to initiate a detonation) which increases 
steeply toward the lower thicknesses. During the 
course of these experiments we made the surprising 
observation that mirrors with a thickness exceeding 
0.15 p (arrow in Fig. 6) detonate, even if only a small 
fraction of the surface is irradiated; the detonation 
initiated at the irradiated spot does not spread to 
non-irradiated areas if the thickness of the layer 
sinks below 0.15 p. Apparently the layer in this 
case loses too much energy to the surroundings 
(support) to maintain the propagation of the deto­
nation wave.

This effect could be used to prepare copies of line 
originals by flash illumination on such mechanically 
quite insensitive layers, as the example of Fig. 7 
shows. The silver nitride remaining on the print, 
which corresponds to the dark areas of the original, 
after some time spontaneously changes to silver 
by decomposition, and therefore neither develop­
ment nor fixation is required for this “ dry’7 printing 
process which yields positives from positives with 
a resolution of 10 lines per mm. So far technical 
reasons make the process unsuitable for practical 
purposes at this moment.

In a second series of experiments Berchtold 
investigated the effect of the duration of the flash to 
the minimal amount of radiation required for the 
initiation and got the curve of Fig. 8, which was ob­
tained with silver nitride powder. We see that the 
quantity of radiation directed at the substance 
can be the smaller the shorter its available time. 
Whereas, for example, the energy of 0.02 w.s./cm.2 
absorbed in the layer surface after an irradiation 
time of some milliseconds has time to drain off to 
colder areas and remain without effect, it accumu­
lates in one hundreth of this time to such an extent
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that the ignition temperature is reached and deto­
nation occurs. On the other hand, Meerkämper 
could prove by high speed cinematographic analy­
sis that the detonation of nitrogen iodide starts 
long before the light flash ends, and therefore only a 
fraction of the incident energy is used for the 
detonation.

A number of phenomena could be reported about 
the other compounds listed in Table I, for example, 
that silver azide AgN3 (no. 8), which by normal 
exposure is decomposed with formation of silver 
and nitrogen, shows the surprisingly low quantum 
yield of <p — 0.1 only, although silver bromide and 
silver chloride, the compounds used in photog­
raphy, yield the value <p =  l 6 in spite of their

(6) J. Eggert and R. Zemp, Z . N a tu r fo r s ch .,  8 6 , 389 (1953); also 
R. Zemp, thesis No. 2150, ETH Zürich, 1953.

similarity to Ag3N. However, we shall point out 
in conclusion that the ignitability of thin aluminum 
foils (of 0.5 /x thickness) in the presence of oxygen 
is based on a photothermal process also. It has 
been shown that the radiation required for the 
ignition of the aluminum in an O2 atmosphere 
amounts within certain limits to about 2 w.s./cm.2. 
If we assume the average spectral absorption of the 
used radiation to be 8%, a rise in temperature of 
about 1200c is indicated by the heat capacity of 
the system, and this, of course, suffices for the ig­
nition of the aluminum. That in this case a photo- 
thermal effect is involved can be concluded also 
from the fact that the radiation sufficient to cause 
ignition can be reduced to less than half if the ab­
sorption of the aluminum foil is increased by a thin 
coating of carbon black.

A  M E T H O D  F O R  E V A L U A T I N G  R A T E  C O N S T A N T S  I N  T H E  J A B L O N S K I  

M O D E L  O F  E X C I T E D  S P E C I E S  I N  R I G I D  G L A S S E S 1

; By E. H. G i l m o r e  a n d  E. C .  Lim

Department of Chemistry, Oklahoma Stale University, Stillwater, Oklahoma 
R ece iv ed  J u ly  11, 1958

A method is presented for calculating kinetic rate constants for processes that occur according to the Jablonski model of 
electronically excited dye molecules in rigid glasses. Non-radiative transitions from excited to ground states are considered 
in addition to the radiative transitions usually considered. Since the rate constants are found by use of data on fluorescence, 
a-phosphorescence and /3-phosphorescence, the method is limited in use to temperatures above about 180°K.

Introduction
The energy level model proposed by Jablonski 

to explain the qualitative features of observed 
emissions from excited molecules in rigid media2 
has been used with considerable success in semi- 
quantitative studies of such systems, and in some 
instances theoretical justifications for the assump­
tions regarding the natures of the energy levels 
have been found.3“ 6 Until the appearance of the 
work by Koizumi and Kato,78 however, no solution 
to the kinetic problem had been published in which 
non-radiative transitions were permitted to occur 
from both excited electronic levels. Their work, 
Ahich was concerned with identifying the excited 
level involved in quenching with gaseous agents, 
led to the most general solution of the kinetic 
problem presently available.

In the present work, a procedure is presented 
whereby the individual rate constants for processes 
occurring in the Jablonski model can be computed 
with the aid of specific emission data. Use is made 
of Koizumi and Kato’s time-dependent solutions in 
a slightly modified form, and of steady-state 
solutions. It is assumed that the only temperature

(1) Supported in part by the Office of Ordnance Research on Con­
tract No. DA-23-072-ORD-581.

(2) A. Jablonski, Z . P h y s ik ,  9 4 , 38 (1935).
(3) G. N. Lewis and M. Kasha, J . A m . C h em . S o c ..  6 6 , 2100 (1944).
(4) G. N. Lewis and M. Calvin, ib id .,  6 7 , 1232 (1945).
(5; G. N. Lewis, M. Calvin and M. Kasha, J . C h em . P h y s . ,  1 7 , 804 

(1949).
(6) D. S. McClure, ib id .,  1 7 , 905 (1949).
(7) M. Koizumi and S. Kato, ib id .,  2 1 ,  2088 (1953).
(8) M. Koizumi and S. Kato, J . I n s t .  P o ly te ch n ic s  (O sa k a , J a p a n ) ,  

4 , 149 (1953).

dependent process is the one by which molecules 
are thermally activated from the triplet to the 
singlet level. In some instances such an assump­
tion may not be valid,9 but it was shown to be 
satisfactory for at least one system in a semi- 
quantitative investigation by Lewis, Lipkin and 
Magel.10

The Use of Emission Data to Solve for Rate 
Constants.— The time-dependent solutions given 
by Koizumi and Kato are written in terms of the 
symbols appearing in Fig. 1 as
As =  Q[ri_I(rx +  Ri)er1‘ — rt _1(r2 +  Ri)eTl‘ }

(r2 - n ) '>  (1)
and

At = k3Q [ri~ 'eTit — r2“Ier2‘] (r2 — r i )~ l (2)
in which Rs is the sum /ci+fc2+/c3 and Rt is the sum 
h+ki+h s. The quantities n and r2 are roots of 
the auxiliary equations for the second-order dif­
ferential equation involved in the solution of the 
rate equations. Steady-state solutions are

As =  RtQ(RsRt — M ^)-1 (3)
and

A t =  hQiRsR-r -  W , ) ’ 1 (4)
In eq. 1, 2, 3 and 4 all non-radiative processes from 
a given excited state to the ground level are as­
signed a single rate constant which is the sum of the 
rate constants for the several non-radiative proc­
esses possible from that state. In this regard the

(9) E. J. Bowen t
(10) G. N. Lewis,

6 3 , 3005 (1941).

id D. M. Stettins, J . C h em . S o c . ,  3^0 (1957).
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Kig. 1.— Modified Jablonski model for the electronic 
transitions of dye molecules in rigid glass solution. Q is the 
rate at which molecules are excited to the lowest singlet 
level by absorption processes 1 and 4 are the fluorescence 
and /3-phosphorescence, respectively; and 2 and 5 are radia­
tionless transitions from singlet to ground and triplet to 
ground respectively; 3 populates T from S, and 6 populates 
S from T by a temperature-dependent process. The sym­
bols fa and fa, fa and fa, fa and kt represent the specific rate 
constants, respectively, for these processes.

solutions differ from those of Koizumi and Kato 
who wrote separate symbols for the quenching 
constants. All processes are assumed to be first 
order with respect to the excited species involved. 
The expanded forms of r, and r2 given by Koizumi 
and Kato can be approximated satisfactorily by 
the expressions

Ti =  — R t  +  k 3f a R s ~ '  ( 6 )

The quantum yield of luminescence from the 
singlet state 4>f is given by
<j>f =  ki(rt +  R r ) r i - 1  ( r 2 — n ) - 1  —

Jfeifrt +  Rj )r2 ~' (r2 — n)~l (7)
The second term on the right hand side of eq. 7 
represents the quantum yield of the long-lived 
emission designated as «-phosphorescence by 
Lewis, Li plein and Magel.10 To a high degree 
of accuracy r\ =  — T(~l, in which rt is the observed 
fluorescence mean lifetime, and ki is found either 
by integration of the absorption band or from eq. 
7 using measured values of <f>f and of the «-phos­
phorescence quantum yield, symbolized here by 

remembering that |/2t | ~ |r2|<<|ri|. Rt can 
be found by substituting kh 4>f, r, and r2 into the

formal expression for the a-phosphorescence quan­
tum yield. The quantity r2 =  — r̂ p-1 to a first 
approximation in which r0p is the /3-phosphores- 
cence mean lifetime. The value of the product 
k3kti can be found from eq. 6, and one can use the 
relation for the steady-state quantum yield of fi- 
phosphoresecnce, given by

4>Sp =  k i k t i r , - '  —  r 2 - 1 ) ( r 2 —  r i ) “ ‘  

to find a value for the product k3k4.
If one assumes that the constant fc6 has the 

form p exp( — All/RT) and that all other rate con­
stants are independent of temperature, then one 
can arrive at a value of by differentiating r2 with 
respect to 1 /T and making use of the value of AH 
from spectroscopic data. The solution is

fa =  f a k j l s +  (R/AH) |dr2/ d ( l / r )  ]
When the value of ke is determined, the values 
for the other five rate constants are found readily. 
The method of successive approximations then can 
be used to improve the accuracy of the values found 
for the rate constants.

Discussion
The objective of this work has been to develop 

a method for computing the various rate constants 
for the Jablonski model. Such data would provide 
important information on the processes occurring 
and even give evidence as to whether the Jablonski 
model is a generally correct picture. The method 
described here is such that tests can be made only 
when fluorescence, «-phosphorescence and ¡3- 
phosphorescence are present simultaneously. 
These luminescences are observable only for dye 
molecules, in general. Data for making these 
calculations are presently unavailable.

In this and other treatments of the kinetic prob­
lem it is assumed that the energy states are single 
levels. Since this assumption is not strictly true, 
especially at higher temperatures, the rate con­
stants obtained will be a composite of the various 
true values; nevertheless, if for some given system, 
positive values of reasonable magnitudes are ob­
tained for these rate constants, the Jablonski 
model will not be ruled out as a possible model for 
the system.

With values for the various rate constants know», 
it would be possible to calculate from eq. 3 and 4 
the instantaneous numbers of molecules storing 
photochemical energy in the singlet and in the 
triplet excited states.

. G r f r i l i P K

; ,  c u s : n
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Jan., 1959 Photolysis of Nitrosyl Chloride

Nitrosyl chloride, dissolved in carbon tetrachloride, is photochemically decomposed by light below 0400 A. into nitric 
oxide and chlorine. The quantum yield is reduced by the reverse reaction and values of 0.75 or less up to approximately
1.0 are obtained. Experiments using sunlight with a flowing system are described. The nitric oxide is insoluble and can 
be stored and later recombined with chlorine in carbon tetrachloride to give the original nitrosyl chloride and release some 
of the solar energy consumed in the photolysis.

Photochemical reactions are needed which will 
absorb energy and store the energy of incident sun­
light, the products recombining later under con­
trolled conditions with the release of some of the 
energy. Suitable reactions of this type are dif­
ficult to find. The photolysis of nitrosyl chloride is 
such a reaction. In the gas phase, nitrosyl chloride 
absorbs most of the visible sunlight up to 6400 A. 
and in the absence of oxygen, gives nitric oxide and 
chlorine according to a first-order reaction. It was 
thought that nitrosyl chloride dissolved in carbon 
tetrachloride would undergo similar photodecompo­
sition and that the chlorine would remain dissolved 
but that the nitric oxide, which is relatively insoluble 
in carbon tetrachloride, would escape and thus 
permit separation and storage. The nitric oxide 
could then be recombinec with the chlorine in 
carbon tetrachloride to give back the original 
nitrosyl chloride solution with the evolution of heat.

The reaction has been studied in the gaseous 
phase by Kiss,1 Bowen and Sharp2 and Ivistia- 
kowsky.3 The scheme shown in (1) and (2) has 
been proposed3

NOC1 +  h r — >- NO +  Cl (1)
NOC1 +  Cl — > NO +  Cl, (2)

where the light absorbing step is followed by the 
very fast reaction 2. This reaction scheme has 
been confirmed by some recent investigations,4 
where it was found that chlorine atoms catalyze 
the reaction by accelerating step 2.

Experimental Results
The photodecomposition was followed at constant tem­

perature by measuring as a function of time the pressure of 
nitric oxide produced photochemically and released into the 
gas space.

The apparatus consisted of a 500-watt tungsten projec­
tion lamp, a large glass lens, a shutter and a filter. The cir­
cular reaction vessel of Pyrex glass, 1 cm. in thickness, is 
placed in a Pyrex thermostat, kept at a constant tempera­
ture to ± 0 .2 ° . From the top of the reaction vessel a con­
nection leads to a mercury manometer. Thorough stirring 
was carried out during the whole experiment by means of a 
magnetic stirrer.

The energy of the incoming light was measured with a 
sensitive bolometer, previously standardized by a carbon 
filament lamp provided by the U. S. Bureau of Standards. 
This bolometer was placed in a Wheatstone bridge with a 
multiflex galvanometer. The energy absorbed by the ni- 
trosyl chloride was obtained from the difference in trans-

(1) A. Kiss, Rec. trar. chim., 4 2 , Gfij (1923).
(2) E . J . Bowen and J. F . Sharp, J. Chem. Soc., 1 2 7 , 1020 (1925).
(3) G . B. Kistiakowsky, J . Am. Chem. Soc., 5 2 , 102 (1930).
(4 )  P. G . Ash more and J. Channiugam, Trans. Faraday Soc., 4 9 , 

254, 265, 270 (1953); W . G. Burns t-nd F . S . Dainton, ibid., 4 8 . 52
(1952).

mission of pure carbon tetrachloride and the carbon tetra­
chloride solution of NOC1.

Figure 1 gives the decomposition curves, which show the 
pressure of nitric oxide released (in mm.) as a function of the 
time of irradiation. The different curves give the results 
with different light intensities. As in the gas phase experi­
ments, a steady state is reached when the products, nitric 
oxide and chlorine, accumulate to such an extent that the 
reverse reaction is equal to the forward photochemical reac­
tion. The sharp decrease in pressure shown in the curves 
occurs when the light is turned off. Figure 2 gives the 
volume of NO liberated in another set of experiments.

The determination of quantum yields for the photode­
composition and separation is only approximate. The light 
used extended continuously over the whole visible spectrum 
in order to simulate the conditions of a practical reaction 
operating with sunlight.

The quantum yield in the gaseous phase is 2. In solution 
Atwood and Rollefson5 6 determined the quantum yield of the 
photo-oxidation of a similar reaction (nitrosyl chloride -f  
O, to give N 02 +  Cfi) and found it to be between 0.47 and
0.72.

The back reaction between chlorine and nitric oxide has 
been investigated by Trautz and co-workers*. It is a third- 
order reaction with an exothermic heat of reaction of 9000 
cal. per mole of NOC1 formed. The two gases react slowly 
at room temperature and the reaction is complete over char­
coal at slightly increased temperatures.7 It was found in 
the present investigation that the reaction is quite rapid in 
carbon tetrachloride even at room temperature.

In order to store the energy absorbed in the photochemical 
reaction, the reaction products must be separated and then 
recombined at a later date. This separation ran be per­
formed (a) in the gas phase by removing one of the products 
by adsorption or absorption, (b ) in a solution by dissolving 
one but not both of the products of photolysis.

The first method is difficult because the products recom­
bine before diffusing to the surface of the adsorbent or ab­
sorbent, or at the catalytic surface of an adsorbent.

In the present work the second method was chosen using 
carbon tetrachloride as the solvent for nitrosyl chloride. 
Chlorine also is soluble to a large extent, whereas the nitric 
oxide formed is practically insoluble and escapes into the 
gas space above the solution. Nitrosyl chloride in carbon 
tetrachloride shows continuous optical absorption and the 
shape of the absorption curve is the same as that given in the 
literature for nitrosyl chloride in the gas phase 8

It is likely that the quantum yield is lower in carbon 
tetrachloride solution than in the gas phase because of the 
Franck-Rabinowitch cage effect of solvent molecules, which 
increases the rate of recombination of the nitric oxide and 
chlorine. The bolometer circuit measures only the amount 
of incoming and transmitted energy. To obtain the num­
ber of quanta absorbed over the whole range it is necessary 
to calculate a mean value from the energy distribution in the 
different wave lengths for a 500-watt tungsten projector lamp 
and the number of quanta per erg for each wave length. A

(5) K. Atwood and G. K. Rollefson, J. Chem. l*hys., 9 ,  506 (1941).
(6) M . Trautz, Z. anorg. Chem., 88, 285 (1914); M . Trautz and

C. F. Hinck. ibid., 9 3 , 177 (1915); M . Trautz and L. Wachenheim, 
ibid., 9 7 , 241 (1916); M . Trautz and W . Gerwig, ibid., 1 4 6 , 1 (1925).

(7) Chem. Fabrik vorm. E. Schering, German Patent 369,369
(1919).

(8) J. Jander, J. Chem. Soc., 915 (1954); J. A. Leermakers, J . Am. 
Chem. Soc.. 5 4 , 1841 (1932).
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Fig. 1.— Pressure of nitric oxide in a stationary system ex­
posed to light.

tig . 2.— Volume of nitric oxide released by exposure to light 
in a stationary system.

further small correction is needed to allow for the fact that 
the per cent, of light transmitted and measured by the bo­
lometer is less at the shorter wave lengths where nitrosyl 
chloride absorbs more strongly.

The calculated quantum yields of decomposition and 
separation are shown for different concentrations in 
Table I.

These quantum yields are calculated for the initial reac­
tion corresponding to the first steep part of the decom­
position curves shown in Fig. 1. The quantum yields 
decrease as the reaction proceeds due to the increasing con­
centration of the reaction products which accelerate the 
back reaction. After long exposures with the light intensity 
used in these experiments a steady state is reached, where 
the quantum yields drop to values from 0.05 to 0.1.

Flow System.— The previous experiments were carried 
out in a stationary system in which the photo products,

Fig. 3.— Pressure of nitric oxide in a flowing system exposed 
to light.

Fig. 4.— Volume of nitric oxide released by exposure to light 
in a flowing system.

T a b l e  I
Q u a n t u m  Y i e l d s  f o r  t h e  P h o t o l y s i s  o f  NOCI i n  CC1« 

S o l u t i o n s

Concn.
NOCI,

m oles/i. I II III IV Av.

0.246 0 . 6 8 0.77 0.80 1.0 0.83
.371 0.53 0 67 0.67 0.87 0.74
.511 0.75 0.81 0.91 0.94 1.00 0 9 4
.646 0.95 1.01 1.14 1.08

chlorine and nitric oxide, accumulate. For storage of the 
converted light energy it is necessary to minimize this back 
reaction and prevent the decomposition products from re­
combining. Two different tvDes of back reactions occur:
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(1) The recombination in the liquid carbon tetrachloride 
phase, whereby the products in solution react to form nitro- 
syl chloride at a rate which depends on their concentration in 
solution. (2) The back reaction between the chlorine in 
solution and the nitric oxide in the overlying gas space. 
The nitric oxide in the gas space reacts at the surface of the 
carbon tetrachloride solution with the dissolved chlorine. 
This type of reaction can be seen in the curves of Fig. 1, 
where after turning off the light the pressure decreases 
rapidly as the nitric oxide molecules react with the solution. 
The velocity of this recombination is limited by the diffusion 
of chlorine molecules to the surface and the decrease in 
pressure is faster when the solution is stirred.

The best way to reduce the amount of back reaction due 
to the increasing concentration of the reaction products is to 
use a dynamic system in which the carbon tetrachloride solu­
tion of nitrosyl chloride is removed continuously from the 
photo reaction vessel. The photochemical reaction then 
proceeds with a high quantum yield as indicated by the first, 
steep part of the curves of Fig- 1. The streaming velocity 
of the solution through the photocell is kept at a rate which 
does not allow an accumulation of chlorine molecules during 
the time that the solution is in contact with the nitric oxide 
gas phase. Another advantage of this dynamic method is 
that the chlorine does not accumulate and provide an inner 
optical filter which absorbs some of the light and prevents 
it from reaching the NOC1.

A few experiments with the dynamic system were made 
in direct sunlight which was focussed onto a 500-ml. round 
bottom flask containing the carbon tetrachloride solution of 
nitrosyl chloride and placed between two 5-liter storage con­
tainers. The carbon tetrachloride solution of nitrosyl 
chloride flowed through the photochemical reaction chamber 
of 500 ml. at a rate of about 30 ml. per minute.

From the top of the reaction vessel a connection led to a 
container for storing the nitric oxide gas. Figure 3 gives

the pressures of nitric oxide produced in the photolysis, by 
focussed sunlight, of the flowing solution of NOC1 in carbon 
tetrachloride. It is evident that the curves retain their steep 
slope much longer than the curves shown in Fig. 1, ob­
tained with the stationary system, because the reverse reac­
tion, the recombination of nitric oxide and dissolved chlo­
rine, is suppressed.

In Fig. 4 the evolution of nitric oxide produced by the 
photolysis in focussed sunlight of nitrosyl chloride is shown 
as measured in the flowing system. The amount of nitric 
oxide formed photochemically increases continuously w'ith 
irradiation time, showing that the reverse reaction is small.

Conclusions
These experiments show that it is possible to 

bring about an endothermic reaction with sun­
light, to separate and store the products and to get 
back as heat part of the absorbed sunlight, when 
desired. The photochemical reaction has a reason­
ably high quantum yield approaching 1, and it 
absorbs most of the sunlight in the visible range of 
the spectrum. It is of the general type to be sought 
after for the utilization of solar energy but the 
energy storage per gram of material is low and it is 
hoped that much better photochemical reactions 
making use of these general principles will be 
found and tested.

The author is indebted to Professor Farrington 
Daniels for suggestions and advice throughout the 
course of this work and to the Rockefeller Founda­
tion for financial support.
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If energy is to be stored in a photochemical process, the initial act of absorption of a photon must be followed rapidly 
by additional reactions. These can be classified according to whether or not a non-absorbing species must react either with 
the excited absorber or with a fragment formed from its dissociation. Because of the compressed time scale in which many 
of these additional reactions must occur, the kinetic treatment requires consideration of the special problems associated 
with very fast reactions.

Introduction
The principle of microscopic reversibility requires 

that if the ground electronic state of a chemical 
species absorbs radiation efficiently, then the rate 
constant must be large for re-emission by the 
excited state first produced. Therefore, if a system 
is to store photochemical energy, the primary act 
of absorption must be followed very rapidly by 
secondary processes that make it improbable the 
initial excited species will be regenerated.

Three types of secondary processes can be con­
sidered. First, some of the energy of the original 
quantum may be dissipated in thermal motions 
leaving the absorbing molecule in a metastable 
triplet state. If selection rules forbid conversion 
to the ground state with emission of radiation, and 
if a considerable energy barrier opposes regeneration 
of the initial excited state, the metastable state may 
live for some time and thus store a large fraction of 
the energy of the original quantum.

(1) Department of Chemistry, University of Oregon, Eugene, Ore.

Second, the energy of the excited absorber may 
be transferred by electronic excitation or chemical 
reaction with another molecule that does not ab­
sorb or emit radiation. Entropy restrictions then 
help to prevent regeneration of the excited state 
formed in the primary absorption.

Third, the absorbing molecule may be disso­
ciated into fragments during or soon after the 
primary absorption. If these fragments are then 
separated by diffusion, entropy restrictions can 
again oppose regeneration of the initial excited 
state.

Because the secondary processes must frequently 
take place in times of the order of 10 9 second if re­
emission is to be prevented, the kinetics may ex­
hibit features that are not important when mole­
cules are allowed longer times in which to react.

In this paper, we shall classify secondary proc­
esses according to whether or not there is dis­
sociation of the original absorber and whether or 
not a large fraction of the energy of the original
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quantum is transferred to another chemical 
species. For each classification, we shall consider 
the problems associated with treating the kinetics 
of the process, and we shall briefly assess the pros­
pects that this classification might include a 
satisfactory reaction for energy storage.

No Dissociation and No Energy Transfer.— If 
the initial absorber remains intact, and if no major 
fraction of the energy of the absorbed quantum is 
transferred to another specific molecule, the proc­
esses can be represented schematically as

A hv —-A- A ' (1)
A ' — -> A -f- hv (2)
A ' —->  A" (3)
A" —->■ A ' (4)
A" —->  A (radiationless transition) (5)

This situation does not exhibit any kinetic anoma­
lies. We have no reason to suspect that the age of 
a particular excited species has any influence on 
the relative probabilities of reaction by any of the 
processes from (2) to (5).

Reactions without either energy transfer or 
dissociation appear to offer rather little promise for 
storage of energy. Metastable species (A") 
may be triplet electronic states like those de­
scribed by others at this Conference, or they 
may be isomeric molecules as in the photochemical 
conversion of fumaric to maleic acid. Often these 
states are unsatisfactory for energy storage because 
the radiationless transition to the ground state 
(reaction 5) is too facile. Even when this radia­
tionless transition is unimportant, it is difficult to 
cause release of the stored energy rapidly enough 
for the resulting thermal effects to be useful.

No Dissociation but Energy Transfer.— If the 
excited absorber can use a considerable fraction of 
the absorbed energy for the specific excitation of 
another species, the process can be represented 
schematically as

A ' +  B — > B ' +  A (6)

where this step supplants reactions (3-5) above.
This kind of process opens up wider chemical 

possibilities because it can be used to store energy 
in species that do not themselves absorb or emit 
radiation. Also, if reaction 6 is exothermic, the 
loss of radiation by re-emission is opposed by 
both energy and entropy barriers. Thus, the re­
verse of reaction 6 requires a position fluctuation 
that puts A and B ' in juxtaposition at the same time 
that a thermal fluctuation provides the energy 
necessary for the excitation to A'.

However, the re-emission of radiation by reaction 
2 will occur in about 10~9 sec. if A can absorb well 
in the ground state, and an A ' must be able to react 
this rapidly with B if reaction 6 is to compete 
effectively. The necessary time scale can be 
lengthened only if a reaction like (3) can be fol­
lowed by reaction of A" with B.

If experimental conditions require that a species 
undergo a bimolecular reaction within 10-9 second 
after its formation, there must be a high probability 
for reaction during each encounter with a potential 
reactant. When an excited A ' molecule has just 
been formed by absorption of a photon, its prob­
ability of reaction per unit of time is determined

by the frequency with which an inert molecule with 
the same diffusive properties would undergo en­
counters with a random distribution of B molecules; 
if the excited A ' molecule has existed for a suf­
ficient time without reaction, its probability of 
reaction per unit of time is determined by the rate 
of steady-state diffusion of B molecules into a sink 
the size of the A ' molecule. Although these two 
reaction probabilities will not differ significantly 
for molecules in gas phase, they may differ by at 
least a factor of two for very reactive species in 
solution. Since the change of reactivity in solu­
tion is rapid for times of the order of 10_9 second 
during which re-emission is most apt to occur, it is 
not possible to define a rate “ constant” for cal­
culating the competition of reactions 2 and 6. 
More refined kinetic treatments are necessary for 
estimating the effect of concentration of B on the 
fraction of absorbed photons that result in storage 
of energy as B'.

We have already developed the necessary equa­
tions to treat this situation for the case that A ' 
and B are electrically neutral so that directions of 
relative diffusive displacements are randomly dis­
tributed in space.2 The equations were developed 
for quenching of fluorescence, but they can be ap­
plied easily to the energy transfer problem. If g 
is the probability reaction 1 is followed by the 
transfer reaction 6 rather than the re-emission 2 
and if transient effects are neglected for times of the 
order 10~u second, then

g =
JIB] , 

1 +  7[B ] ^

exp / _  4K»[B]» \ 
V 1 +  / [  B\)

1 +  JIB]

(1 +  J[  B])* (7)

Here, J  = ke/k2 for A ' molecules so old that a 
limiting concentration gradient has been estab­
lished, and A  is a measure of the competition 
between re-emission and establishment of that 
limiting concentration gradient. The symbols are 
defined more fully in the previous reference.

Equation 7 predicts that energy transfer will be 
somewhat more efficient than would be expected 
from the limiting rate constant for reaction 6 at 
long times since excitation, but the effects will not 
be large. Since J  is frequently of the order of 
100 l./mole for reactions of this sort, it is usually 
possible to attain B concentrations sufficient that 
the energy is trapped efficiently and g is nearly 
unity even without including the extra terms.

Although the above discussion has treated re­
action 6 as a transfer of electronic excitation energy, 
the same kinetic considerations would apply to 
any chemical reaction producing a metastable 
species. Such a chemical reaction probably of­
fers more promise for energy storage than does 
transfer of electronic excitation.

As was discussed above for the situation without 
energy transfer, it is difficult to find excited states 
that combine long storage lifetime with the pos­
sibility of controlled release of energy. If such 
excited states can be found, it will probably

(2 )  R .  M .  N o y e s ,  J. Am. Chem. Soc., 7 9 ,  551 (1957).
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be less difficult to obtain photochemical excitation 
either by direct absorption to a higher energy state 
of the same species or by transfer of energy from 
another absorber.

In case the energy transfer in (6) is an actual 
chemical reaction, there may be more chance that 
energy can be stored and released as desired, but it 
may also be that the rate of reaction is slow 
enough that the considerations of equation 7 be­
come significant.

Dissociation without Energy Transfer.—Fre­
quently the absorbing molecule is dissociated either 
in the primary photochemical act or in a rapid 
subsequent predissociation. Even if the absorber 
does not dissociate, it may cause dissociation of 
another species as in the common use of excited 
mercury atoms to break bonds in hydrogen or in 
hydrocarbons.

The quantum yield for dissociation may ap­
proach unity in gas phase: it is invariably less than 
unity in a liquid. The differences are explained 
by the “ cage”  theory of liquid dissociations first 
enunciated by Franck and Itabinowitch.3 Because 
of the strong frictional forces in the liquid, the 
fragments will be reduced to thermal kinetic 
energies before they have separated by more than 
a few molecular diameters. Because diffusive 
displacements in liquids are certainly no larger 
than a molecular diameter, the two fragments 
diffusing with a small initial separation are very 
apt to encounter each other and recombine shortly 
after they are reduced to thermal energies.

Although the language of the preceding paragraph 
regarded the surrounding liquid as a continuum, 
any complete description must recognize the dis­
crete distribution of solvent molecules around a 
pair of fragments almost in juxtaposition. We 
have rather arbitrarily distinguished between the 
“ primary” recombination of fragments that never 
attain a separation of a molecular diameter and the 
“ secondary”  recombination of fragments that at­
tain a small initial separation and encounter each 
other during subsequent diffusion.4

Since the fragments from a photochemical dis­
sociation are in much higher potential energy than 
the original absorber, dissociations offer the pos­
sibility of energy storage if the fragments can be 
prevented from combining. However, the pros­
pects for efficient storage do not look good. The 
quantum yield for production of fragments will be 
low because of primary and secondary recombina­
tion as discussed above, and fragments that escape 
their original partners will ordinarily react rapidly 
with fragments from other dissociations. Al­
though Norman and Porter5 have shown that 
radical fragments can be trapped in rigid glasses 
at low temperatures, these media are not encourag­
ing for practical application. If a high concentra­
tion of radicals could be trapped at ambient tem­
peratures in a polymer whose ceiling temperature 
for polymerization was only a few degrees higher, 
then the energy of combination of the trapped

(3) J. Franck and E . R abinow itch, T r a n s . F a ra d a y  S o c .,  30, 120
(1934).

(4) R . M . N oyes, J . C h em . P h y s  . 18, 999 (1950).
(5) I. N orm an and G. Porter, P r o c .  R o y . S o c . {L o n d o n ),  A230, 399

(1955).

radicals could be obtained upon slight warming of 
the system. Although such a system might func­
tion for space heating of buildings, it would not be 
promising as a power source.

Dissociation with Energy Transfer.— If the frag­
ments from a dissociation can undergo secondary 
chemical reactions, the potential energy represented 
by the fragments may be stored in a form that is 
less susceptible to rapid degradation. Chemical 
reactions of this sort are formally analogous to the 
energy transfers discussed when no dissociation 
was involved, but the efficiency with which a re­
agent can react with fragments is a complex func­
tion of concentration because of the extended time 
scale associated with recombination events. Pri­
mary recombination involves times of the order of 
a molecular vibration and is complete in a few times 
10-13 second. Probably most secondary recombi­
nations take place between 10 ~n and 10~8 second 
after the initial dissociation. Fragments that es­
cape recombination with their original partners 
will live for much longer periods that at low light 
intensities may be of the order of seconds.

It is not difficult to have a moderately reactive 
reagent in sufficient concentration to react with 
all fragments that escape recombination with 
their original partners. Competition with second­
ary recombination involves times of the same 
magnitude as those for competition with re-emis- 
sion as discussed above; it involves the same kinetic 
considerations with the additional complication 
that the probability of secondary recombination is 
strongly dependent on the time since dissociation. 
Competition with primary recombination will be 
impossible unless the competing reagent is also 
the solvent in which the dissociation occurs.

If energy is to be stored by a reaction with prod­
ucts from a photochemical dissociation, the ef­
ficiency will be greater the more the reagent can 
compete with the secondary recombination of 
original partners. If two particles are diffusing 
at random in one dimension the probability that 
they will occupy the same place at the same time 
varies inversely as l'!t, and the probability for 
particles diffusing in three dimensions varies in­
versely as lx/t. If h(t) dt is the probability that a 
specific pair of fragments will undergo secondary 
recombination between t and t +  dt after dis­
sociation, then h(t) - a/t3/t for times greater than 
those needed for a few molecular displacements. 
Similarly, the probability of secondary recombina­
tion at any time after t is

If a reagent B is to compete with secondary re­
combination by reacting with fragments, the aver­
age time necessary for it to do so will be very nearly 
inversely proportional to the concentration of B. 
Then the extent to which B can compete with 
secondary recombination will be proportional to the 
fraction of secondary recombination that would 
otherwise take place after time t’ where t’ is the 
average time needed for B to react with one of the 
members of the pair of fragments. The answer 
gives the competition proportional to [B]1/*.
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The above paragraph is a verbalization of a more 
exact argument presented elsewhere.6 Although 
the derivation could be made more precise by using 
a better model for the time dependence of second­
ary recombination7 and by including the time 
dependence of the reactivity of B, the refinements 
would not affecj the value of the principal term 
from the integration.

The above argument is also based on the as­
sumption that the fragments from the original 
dissociation are electrically neutral so that their 
relative diffusive displacements are not affected 
by long range intermolecular forces. We hope that 
these treatments will be extended to ionic reactions 
in the near future.

If the products of these reactions are sufficiently 
unreactive, they can be stored as potential sources 
of energy. Elementary hydrogen is an example of 
a high energ y species that can be stored indefinitely 
under proper conditions. Although the mecha­
nisms have not been completely elucidated for the 
photochemical oxidations of solutions of transition 
metal salts studied by Heidt and co-workers,8 
they apparently involve secondary reactions of 
high energy species formed either by excitation of or 
dissociation from the original absorber.

Ccnclusicn
If photochemical energy is to be stored for sub-

(6) R . M . N oyes, J . A m . C h em . S o c .,  77, 2C42 (1955).
(7) R . M . N oyes, ib id ..  78, 5486 (1956).
(8) See for exam ple L . J. H eidt ard  A . F . M cM illan , H id .,  76, 21 ?5 

(1P54).

sequent release, the primary act of absorption must 
be followed by secondary processes. If these 
produce an excited electronic or metastable iso­
meric form of the original absorber or of some other 
chemical species, the prospects are not good that 
the energy can be stored for long periods and re­
leased as desired. If the absorption of a quantum 
causes a dissociation into fragments when the only 
available subsequent reaction is combination with 
other fragments, some energy can be stored by 
physical trapping of these fragments; however, 
this type of system is not particularly promising 
either. The best prospect for a storage reaction 
probably involves a chemical reaction of the ex­
cited absorber or of a fragment from it with another 
chemical species; the product of this reaction must 
be metastable so that it can be stored until needed 
and can then liberate considerable energy during 
regeneration of the starting material.

If such a photochemical storage reaction is to be 
reasonably efficient, the subsequent secondary 
reactions must be initiated in a period of 10 “ 8 
second or less after the original absorption. This 
period is too short for direct experimental measure­
ment of concentration changes, but theoretical 
considerations indicate that transient diffusion 
terms may cause the relative yields of competing 
reactions to differ from the values predicted by 
steady state kinetic equations.
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Long-lived intermediates have been observed in solutions of the ferrioxalate, cobaltioxalate and uranyl oxalate ions 
when they are subjected to flash photolysis. The compound produced in neutral ferrioxalate solutions disappears at a rate 
which is nearly independent of the concentration of ferrioxalate. Under these conditions, therefore, the rate controlling 
stage is not the expected bimolecular reaction between radical and ferrioxalate, and the simple reaction scheme originally 
proposed is not sufficient to explain the results. Some possible additional rate-controlling stages have been considered 
including dissociation of an excited ferrioxalate ion (or ferrous-radical complex) and dissociation of a complex between ferric 
iron, oxalate ion and oxalate radical. Oxygen is found to intervene directly in the photochemically initiated reaction chain, 
not only in neutral solution, but also in acid solution where, with high concentrations of ferrioxalate and continuous irradi­
ation at low intensity, it has little effect. As examples of systems involving efficient electron transfer reactions, both cobalti­
oxalate and uranyl oxalate as well as ferrioxalate are worth much more detailed investigation.

Introduction
Earlier experiments with potassium ferrioxalate 

solutions were concerned with the mechanism of 
the photodecomposition mainly in so far as it af­
fected the working of the ferrioxalate actinometer.12 
For actinoiretry, solutions in dilute mineral acid 
are used and under these conditions the main photo­
active species present are the mono- and di- 
oxalato compounds.3 Taking the mono-oxalato

(1) C . A . Parker, F r o c .  R o y .  S o c . (L o n d o n ),  A 2 2 0 , 104 (1953).
(2) C . G . H atchard and C . A . Parker, ib id .,  Â235, 518 (1950).
(3) C , A . Parker. T -a n s .  F a ra d a y  S o c ..  50, 1213 (1954).

ion as an example, the mechanism was originally 
represented by the following simple equations in­
volving excitation, dissociation of the excited ion 
to give the oxalate radical and reaction of this with 
more ferrioxalate ion3

hv
Fe3+(C ,O .V - < > Fe*+(C,(Ul~ (1)

Primary dark 
back reaction

Dissociation of
Fe2+(C20 , ) -  ------ :-------------- — Fe2+ +  (C20 , ) -  (2)

excited complex



(CjO«)- +  Fe’ +(C:0,)2-
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2CO, +  Fe2+ +
(C20 fl2-  (3) 

2 (C .O ,)- — 2CO- +  (C O ,)2“  (4)
Analogous schemes can be written for the di- and tri- 

oxalato complexes.
Under normal conditions the radical is appar­

ently consumed almost exclusively by reaction (3) 
the radical-radical reaction occurring, if at all, only 
at very high light intensities and low ferrioxalate 
concentrations.

This type of scheme would explain all the facts 
then known, but it was not the only scheme which 
would do so. For example, Livingston4 had sug­
gested that an excited ferrioxalate ion might be the 
intermediate species which reacted with the second 
normal ferrioxalate ion. Some more experiments 
were made to try to identify the intermediate. 
Very dilute solutions of ferrioxalate frozen in 
liquid nitrogen were found to decompose on ir­
radiation with the formation of a brown substance, 
and examination by paramagnetic resonance6 
showed that free radicals were present which were 
tentatively assumed to be the oxalate radicals 
(HC02 or HC20 4) which had been trapped in the 
glass. The investigation is now being continued 
in fluid solutions at room temperature and the 
preliminary results obtained are reported in this 
paper.

Experimental Method
The apparatus was of the now-familiar type using photo­

electric monitoring at single wave lengths. It was found 
advantageous to use a mercury lamp, or other intense line 
source, for the monitoring beam. This allowed narrow 
monochromator slits to be used, thus reducing the signal 
from the scattered light received from the continuum of the 
flash tube. The flash tubes (krypton-filled, internal diame­
ter 0.9 cm., intcr-electrode distance 11.0 cm.) were specially 
made from tungsten-quartz seals obtained from Messrs. 
Thermal Syndicate. Working with capacities up to 25 m F. 
at 2000-5000 v ., flash half-lives between 15 and 50 t± sec. 
were obtained. Sixty-ml. quantities of the solutions were 
placed in the fused silica cylindrical cell (40 mm. diam., 75.5 
mm. optical depth) and de-aerated either by boiling under 
high vacuum or by passage of oxygen-free nitrogen. The 
percentage transmission of the solutions was measured be­
fore flashing on a spectrophotometer at the appropriate 
wave length and this value was used to adjust the vertical 
scale of the oscilloscope when the cell had been placed in 
the monitoring beam. The firing switch opened the camera 
shutter and simultaneously started the oscilloscope horizon­
tal sweep. The flash-tube was fired automatically, after 
a short, preset delay. The vertical transmission scale and 
the time-scale of the oscilloscope were calibrated photo­
graphically in separate experiments. Enlarged prints of 
the photographs of experiments and calibrations were pre­
pared, and the latter were used to construct transparent 
perspex grids from which the transmission of the test solu­
tion at any time after flashing could be read directly by su­
perimposing the grid on the test photograph. In many 
experiments it was arranged that release of the firing switch 
initiated a second oscilloscope sweep. This occurred several 
hundred milliseconds after the first sweep and served to 
record the final transmission of the solution.

Results Obtained with Ferrioxalate Solutions.—
It was assumed originally that the reaction in the 
above scheme which might be slow enough to meas­
ure at room temperature was the bimolecular reac­
tion between oxalate radical and excess ferrioxalate 
ion (reaction 3). It was therefore expected that 
an instantaneous fall in absorption would occur on

(4) R . S. L ivin gston , T h is  J o u r n a l , 44, 601 f 1040).
(5) D . J. E . Ingram , W . G . Hodgson, C . A . Parker and W . T . Rees, 

Nature, 176, 1227 (1955).

si

0.005 M  potassium oxalate, Ai -—- 110 sec.-1
Fig. 1.—Comparison of acid and neutral oxalate solutions 

(both solutions contained 0.00003 M  potassium ferrioxalate 
with the indicated additions— monitoring wave length 313 
m/i, energy of flash 127J).

flashing, corresponding to the initial dissociation 
of one ferrioxalate ion, and that this would be fol­
lowed by a slow fall in absorption as the radical 
reacted with more ferrioxalate ion. Preliminary 
tests at a monitoring wave length of 313 m/i, in both 
acid and neutral solutions (Fig. 1), did in fact show 
these features. More detailed experiments were 
made in neutral solutions containing various con­
centrations of ferrioxalate in the presence of an 
excess of oxalate (under these conditions the iron is 
combined almost entirely as the trioxalato-com- 
plex). At wave lengths of 313 and 366 m/i an 
instantaneous fall in absorption was observed on 
flashing followed by a slow fall similar to that shown 
in Fig. 1. At 405 and 436 m/x, however, there was a 
rise in absorption on flashing, indicating that the 
intermediate compound absorbs more strongly

T a b l e  I

V a r ia t io n  of R e a c t io n  V e l o c it y  w it h  
C o n c e n tr a t io n  of F e r r io x a l a t e

(Neutral Solution)
In itia l com pn. of soin. M onitor­
Potassium Potassium ing w ave V elocity  constant caled, as

ferrioxalate oxalate length, 1st order 2nd order
X  106, M X  10*. M m/i s e c .-1 1. m ole” 1 se c .-1

30 5 313 170 . ~ X  106 
1/

140 26
155 21.5

100 5 366 180 4.1
210 3.8
240 7.8

210 5 .2
300 10 405 260 1.4

220 1.7
240 1.55

600 10 436 260 0.62
300 0.71

0.1 i f  sulfuric acid, k, ~  290 sec. 1

280 0 66
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+ 2 CO,

Fig. 2.— Photodecomposition of ferrioxalate, possible stages 
in the reaction: Alternative to (7) and (8) is the direct re­
action of the metastable ion with a second ion of ferrioxalate 
possibly with the formation of a long-lived intermediate 
containing two iron atoms.

Wave length, mg.
Fig. 3.— Absorption spectra in aqueous solution: (a)

potassium ferrioxalate; (b) and (c) intermediate compound 
calculated in two ways {i.e., assuming that it is formed before 
or after the reduction of the second molecule of ferrioxalate).

than ferrioxalate. First- and second-order plots 
were made from each trace (the latter on the as­
sumption that the two reactants were oxalate 
radical and residual ferrioxalate ion) and reaction 
velocity constants calculated. The values ob­
tained in different experiments are shown in Table I.

The first-order constants vary by a factor of less 
than 2 when the initial ferrioxalate concentration 
varies by a factor of 20. On the other hand the 
second-order “ constants”  vary by a factor of 
about 30. Quite clearly what was observed was not 
the bimolecular reaction between radical and un­

changed ferrioxalate. The reaction observed was 
either a first-order reaction with some minor com­
plications or a second-order reaction not involving 
unchanged ferrioxalate. The original reaction 
scheme therefore was modified to include some pos­
sible first-order stages as shown in Fig. 2. The 
possible structures of the intermediate compounds 
are discussed below. The essential additional 
features in this scheme are either (a) the formation 
and dissociation of a metastable excited state of 
the ferrioxalate ion (reactions 6 and 7) or (b) the 
dissociation of the primary reduction products of 
the second ferrioxalate ion (reaction 9). Both dis­
sociations would show first-order kinetics and one 
of them is assumed to be the reaction actually 
observed. Making one or other of these assump­
tions, the initial and final optical densities and the 
intermediate optical density (immediately after 
the flash), have been used to calculate the ab­
sorption spectrum of the intermediate compound 
formed. This absorption spectrum calculated on 
each of the two assumptions, is compared in Fig. 3 
with that of the ferrioxalate ion itself. Whichever 
of the two assumptions is made, the compound shows 
a greater absorption than ferrioxalate in the blue 
and violet regions, and in this respect is similar to 
the orange brown substance formed by low tem­
perature irradiation.

Variation of Light Dosage.—The effect of size of 
flash was investigated using 0.0001 M  ferrioxalate 
in 0.005 M  oxalate. The solutions were all moni­
tored at 405 mg where the intermediate compound 
absorbs more strongly than the ferrioxalate from 
which it is formed. Up to the point where the 
ferrioxalate was completely consumed the initial 
rise in absorption increased. Beyond this point 
there was no further increase in the rise in absorp­
tion (in fact there was a slight decrease). This 
suggests that the bimolecular reaction involving 
the second molecule of ferrioxalate had already 
taken place at the intermediate stage and that the 
slow reaction observed was the dissociation of the 
reduced ferrioxalate ion (reaction 9 in the modi­
fied scheme). However, the evidence is not en­
tirely conclusive because other complicating factors 
appear beyond the point of complete decomposition, 
e.g., the slight decrease in initial rise of optical den­
sity, the increase in the rate of the slow reaction 
and the decrease in the over-all change in optical 
density. These changes indicate that some other 
reaction starts to become significant beyond the 
point of complete decomposition.

The discontinuity at the point where the flash 
is great enough to cause complete decomposition is 
even more marked in more dilute solutions (e.g.,
0.00003 M  potassium ferrioxalate containing no 
added potassium oxalate and monitored at 313 
mg). Beyond the flash dosage required to produce 
complete decomposition (i.e., complete consumption 
of ferrioxalate at the end of the slow reaction), the 
concentration of absorbing compound present de­
creases and yet, at the same time, its rate of disap­
pearance increases very considerably. Apparently 
we have to deal here with a bimolecular reaction 
involving some other non-absorbing product of the 
initial dissociation which is present in increasing
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concentration as the light available in the flash 
increases.

Nature of Possible Intermediate Compounds.—
From the preliminary results obtained it is clear 
that when an “ excess”  of light is available in the 
flash, more than one reaction has to be taken into 
account. The situation is complicated by the 
inner filter effect of the intermediate formed in the 
early part of the flash and by its possible excitation 
and reaction. More work is therefore required 
before it can be decided unambiguously whether 
the slow reaction normally observed takes place 
before or after the reduction of the second molecule 
of ferrioxalate. However, the results obtained at 
lower light doses (Table I) show that the slow 
stage reaction does not involve the bimolecular 
reaction of radical with residual ferrioxalate.

If the rate-controlling step takes place before the 
reduction of the second molecule of ferrioxalate, 
it must represent the decomposition of some form of 
excited ferrioxalate ion (reaction 7 in Fig. 2). 
One might consider that after initial excitation the 
ferrioxalate ion passes over to a metastable state 
analogous to the triplet state in aromatic mole­
cules, in which the electrons forming one of the 
bonds between an oxalate ion and the central atom 
become unpaired. This structure would effectively 
be a quartet state, taking the other unpaired elec­
tron of the central atom into account. It is con­
sidered more likely that the rupture of the oxalate- 
iron bond would be accompanied by the immediate 
reduction of the central atom, and the result would 
then effectively be a ferro-oxalate ion still attached 
to a free radical. (In this connection, its color 
brings to mind the color of the compound between 
ferrous iron and nitric oxide, which is also an odd 
electron molecule.) The rate-controlling reaction 
would then be the dissociation of the ferro-oxalate 
radical complex, this event being followed by the 
rapid reaction between radical and a second mole­
cule of ferrioxalate.

The reduction of the second molecule of ferrioxa­
late is represented in Fig. 2 as occurring in two 
stages, the first of which involves the substitution 
of an oxalate ion by an oxalate radical. The elec­
tron transfer within the resulting complex and the 
ejection of the residue as CO2 might then be the 
rate-controlling reaction actually observed. Al­
ternatively direct electron transfer from the radical 
to the trioxalatoferric ion would produce the un­
stable trioxalatoferrous ion, and the dissociation 
from this of one molecule of oxalate might be the 
observed slow reaction. Other possibilities can 
also be imagined. For example an alternative to 
reactions 7 and 8 is the direct reaction of an excited 
ferrioxalate ion with a normal ion to give a complex 
containing two iron atoms. Further data are re­
quired before a choice can be made between these 
and other possibilities.

The limiting rate of the bimolecular reaction 
between radical and ferrioxalate ion calculated from 
the encounter frequency7 corresponds to a reaction 
half-life of about 6 n sec. with the most dilute solu­
tion of ferrioxalate used. This is just too short to 
observe with the present flash tube (half-life 
~15/isec.).

Fig. 4.— Effect of oxygen in acid solution: (0.00003 M  
potassium ferrioxalate in 0.1 N  sulfuric acid— monitoring 
wave length 313 m/i; energy of flash 77J).

Effect of Oxygen.— In strongly acid solutions of 
comparatively concentrated potassium ferrioxalate 
(0.006 ill) and with low light intensities as nor­
mally used in chemical actinometry, oxygen has 
only a very small effect on the quantum yield of 
ferrous iron.3 In contrast to this it was found 
that, with the high light dose from the flash tube, 
oxygen takes a major part in the reactions (see 
Fig. 4). Although the initial fall in absorption is 
313 mfi is little affected, the subsequent slow fall 
is suppressed and the absorption then slowly 
rises again (the second horizontal trace was made 
after several hundred milliseconds). By repeatedly 
flashing the solution it was found that ferrioxalate 
was still present long after it would normally all 
have been consumed had oxygen not been present. 
The effect of oxygen can be explained by its 
competition with unchanged ferrioxalate for the 
free radical formed in the first stage of the reaction

hy
(FeOx)+ — >- Fe2+ +  Ox“

Ox“  +  (FeOx) + — Fe2 + +  Ox2~ +  2C02 
O x - +  O, — >- O2-  +  2C02

Further oxidation of ferrous iron would then occur 
via H 02 or OH radicals (c/. Posner6) with the re­
formation of monoxalatoferric iron. This process 
would continue until all the oxalate had been con­
sumed.

In neutral solution rather similar results were 
obtained with monitoring light of wave length 313 
m/n although the reoxidation was apparently some­
what more rapid. This was to be expected from 
the results of previous work at low light intensity3 
where it was shown that oxygen rapidly reoxidizes 
ferrioxalate in neutral solution. However, the 
results obtained with monitoring light of wave 
length 405 m/i do not fit in with this simple theory.

(C) A . M . Posner, T ra n s. F a ra d a y  S o c ., 49, 382 (1953).
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Firstly, the presence of oxygen causes an increase in 
the absorption of the intermediate compound 
formed by the flash, and secondly the over-all 
consumption of ferrioxalate (as indicated by the 
over-all decrease in absorption at 405 m^, measured 
several hundred milliseconds after the flash) is 
apparently increased. The oxygen must react 
rapidly with the primary products of photolysis to 
produce a compound having a greater absorption 
at 405 m/i than that produced in the absence of 
oxygen, and after the subsequent slow reaction, 
products are formed which absorb little at 405 nip 
but strongly at 313 m/i. These products (i.e., 
those present several hundred milliseconds after 
the flash) are clearly not ferrioxalate whose con­
centration at this point must have been reduced 
considerably in view of the decrease in absorption 
at 405 mp. The situation is complicated still 
further by the observation that after standing for 
several minutes the absorption at 405 mp rose 
again to a value greater than that corresponding 
to the initial concentration of ferrioxalate before 
flashing.

It is clear from these limited experiments that, in 
dilute neutral solutions at high light intensities, 
the effect of oxygen is not simply to reoxidize the 
ferrooxalate to ferrioxalate. Different interme­
diates are formed and an entirely new stable product 
is finally formed (the solution had a pale red-brown 
color). The new compound is possibly the ferrate 
ion (Fe042-), which is red in color, or some other 
complex of tetravalent iron.

Other Complex Oxalates.— Some preliminary re­
sults were obtained by flashing solutions of cobalti-

oxalate and uranyl oxalate. Cobaltioxalate is par­
ticularly interesting in showing three distinct 
stages, an initial “ instantaneous”  rise in absorp­
tion (at 313 nip), a rapid (though measurably slow) 
fall in absorption and finally a slow fall in absorp­
tion. It could be suggested that the rapid re­
action is the bimolecular one and that the slow re­
action represents the dissociation of reduced co­
baltioxalate. There are of course other possibili­
ties, and in any event the cobaltioxalate reaction 
is well worth further study.

Uranyl oxalate also produces long lived inter­
mediates on flashing. In the presence of an excess 
of oxalic acid the absorption change is reversible, 
as might be expected from the known results at low 
light intensities where the over-all reaction cor­
responds to the decomposition of oxalic acid only, 
the valency of the uranium remaining unchanged. 
Without the excess of oxalic acid permanent changes 
in absorption occur and these depend on whether 
or not oxygen is present.

Chromioxalate, which is formally analogous to 
ferrioxalate and cobaltioxalate, does not undergo 
permanent change under continuous irradiation. 
It was however subjected to flash photolysis in the 
hope that reversible absorption changes might be 
observed. None was detected and it must be con­
cluded that the excited state of this oxalate is 
shorter than the flash time (15 /¿sec.).

The authors thank Dr. E. J. Bowen, F.R.S., for 
much helpful advice and discussion. This paper is 
published by permission of the Admiralty.

(7 )  J. Q. Umberger and V. K . La Mer, J . A m . C h em . S o c ., 67, 1099 
(1945).
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Dilute solutions of methylene blue in dilute sulfuric acid are reversibly bleached by flash photolysis, giving rise to two dis­
tinct transient species. One species produced by excitation with visible light has a lifetime of the same order as that of the 
flash (15-20 /¿sec.) and is tentatively identified as the lowest triplet state of the dyestuff. The second species is produced 
by excitation with light of short wave length. Under the conditions investigated it has a lifetime of about 400 /¿sec. It 
is tentatively identified as the semi-quinone free radical produced by electron transfer from a water molecule. On irradi­
ation with red light, in the presence of ferrous sulfate, the “ triplet”  species is no longer evident. An excited state of the dye­
stuff (probably the triplet state) reacts to form the semi-quinone free radical which rapidly undergoes dismutation. Ap­
proximate rate constants have been determined for the dismutation reaction and for the reaction of ferric iron with the semi-
quinone. These reactions are discussed in relation to the slo 
further experiments with this and other dyestuffs.

Introduction
A considerable amount of work has been pub" 

lished on the photo-bleaching of solutions of meth­
ylene blue or thionine under continuous irradia­
tion. With many reducing agents the reactions 
proceed at comparatively high quantum efficiency, 
and using ferrous sulfate it is well known that the 
photoreduction is reversible in the dark. The 
relative rates of the various reactions involved 
are still not known with certainty, and in particular 
it has not been established whether appreciable 
concentrations cf the “ half-reduced”  semi-quinone

r reoxidation of leuco-methylene blue, and proposals

free radical are present in the photostationary state 
under irradiation at normal light intensities. An 
investigation of the photoreduction of these dye­
stuffs therefore was started using the method of 
flash photolysis, with the object of learning more 
about the primary photo-processes involved and the 
primary reduction products formed. Some pre­
liminary experiments have been made with the 
methylene blue-ferrous sulfate system and the 
results of these preliminary experiments are de­
scribed in this paper.
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Experimental
The apparatus and procedure was similar to that used for 

the investigation of the complex oxalates1 employing photo­
electric monitoring at single wave lengths. Provision was 
made for the insertion of glass filters between the flash tube 
and the reaction cell so that bands of wave lengths from the 
flash tube emission could be selected for excitation. All 
solutions were de-oxygenated either by boiling under high 
vacuum or by passing a current of oxygen-free nitrogen.

Wave Lengths Used For Excitation.—
Dilute solutions of methylene blue in dilute sul­
furic acid (0.01 N), in the absence of reducing 
agent, were found to produce long-lived meta­
stable states on flash excitation. If the full light 
from the flash tube was used, two species were 
formed which disappeared at markedly different 
rates. One decayed in a time of the same order as 
that of the light flash (15-20 ¿¿sec.) while the second 
had a half-life, under the particular conditions 
used, of about 400 /¿sec. If the light of short wave 
lengths was prevented from entering the solution 
by using a glass reaction cell, only the short-lived 
species was formed. The same short-lived species 
also was produced by ultraviolet light alone, pro­
vided that wave lengths shorter than about 250 
mu were excluded by the use of a Chance OX7 
filter.

By analogy with other aromatic systems it is 
tentatively assumed that the short-lived species is 
the lowest triplet level of the methylene blue. 
Since the primary interest at present is in photo­
sensitisation with visible light, the second species 
produced by short wave length ultraviolet light 
has not yet been investigated in detail. However, 
its absorption spectrum (in so far as it is known) is 
similar to that of the semiquinone of methylene 
blue produced during photoreduction (see below) 
and it is tentatively assumed that it is formed by 
electron transfer brought about by the short wave 
lengths

hv
B • ~H20  — > B -  +  H + +  “ -OH

The reaction by which it is consumed (half-life 
approximately 400 /¿sec. under the conditions of the 
test) would then correspond to its reoxidation by 
the hydroxyl radical. The formation of the latter 
would also account for the fact that a small con­
sumption of methylene blue occurred after each 
flash when the short wave lengths were included, 
although no consumption was observed with the 
longer wave lengths alone.

The further experiments to be described were all 
performed with an orange filter inserted between 
the flash tube and the reaction cell, so that only 
light within the red absorption band of the dye­
stuff was used for excitation. Using a solution 
of 3 X 10 ~6 M  methylene blue in 0.095 N  sulfuric 
acid it was found that the excited state absorbs 
less strongly than methylene blue at the longer 
wave lengths but more strongly at the shorter wave 
lengths. Owing to its short lifetime it is substan­
tially stationary state concentrations of the excited 
state which are observed and it is not therefore 
possible to calculate its exact absorption spectrum 
from the data at present available. The general

(1) C. A. Parker and C. G . Hatchard, T his Journal, 63, 22
(1959).

Wave length, m/r.
Fig. 1.—Approximate relative absorption spectra (in dilute

mineral acid) : 1, methylene blue; 2, semiquinone.

shape of its absorption curve is similar to that of the 
semiquinone which is described in more detail below 
(see Fig. 1, curve 2).

Effect of Ferrous Sulfate.— The previous set of 
experiments was repeated in the presence of 0.095 
M  ferrous sulfate. Under these conditions the 
short-lived excited state of methylene blue is no 
longer observable. The dyestuff reacts to produce 
a compound of much longer life-time. The ab­
sorption changes observed by monitoring at various 
wave lengths can be interpreted in terms of the 
reaction scheme

hv Fe2+
B — s------- * B — >-------- B

t_____ !
in which an excited state of the methylene blue is 
reduced by the ferrous sulfate to the semi-quinone 
which dismutes to give methylene blue and leuco- 
methylene blue. On this basis the data have been 
used to calculate the approximate absorption 
spectrum of the semi-quinone intermediate. This 
is compared in Fig. I with the corresponding part 
of the absorption spectrum of methylene blue.

The present data are not sufficient to decide 
whether it is the triplet state of the methylene blue 
or its first excited singlet state which is actually 
reduced to the semiquinone. Owing to its longer 
life-time, the triplet state is, in the absence of other 
factors, more likely to be reduced. However, 
Porter2 has reported that in the case of the quiñones 
the primary act involves the singlet and not the 
triplet state. In this case the light absorbed from 
the flash included wave lengths below 250 m/¿ 
where with methylene blue the electron (or hydro­
gen atom) transfer reaction appears to be of equal 
importance. The present experiments with long

(2) G . Porter, ib id ., 63, in press.

B2-
À
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T a b l e  I

R a t e  o p  D i s m u t a t i o n  R e a c t i o n  (f r o m  S o l u t i o n s  M o n i t o r e d  a t  405 mix)
— Com position of soin, before flash-------------------------------  ̂ Concn. of

M ethylene
blue,

M

Ferrous
sulfate,

M

Ferric
ion,
M

Sulfuric
acid,

N

semiquinone 
im m ediately after 

flash, M

R a te  constant 
for dism utation 

reaction, fcd

1.24 X 10-£ 0.08 1.5 X 10~4 0.08 8 .4  X  10-« 0.13 X  10'“
1.24 X lO- * 0.08 1.5 X 10-1 0.08 7.9 0.14
1.24 X  10~5 0.08 1.5 X  10-* 0.08 4.6 0.16
2.96 X  10-f 0.095 1.8 X  10-4 0.095 2.6 0.16
1.24 X  10"5 0.08 1.5 X 10-4 0.08 2.4 0.17
1.24 X  10-3 0.08 1.5 X  10-4 0.08 1.1 0.14

wave lengths show clearly that, the triplet state 
is destroyed by the ferrous sulfate, but whether 
this reaction is simply deactivation or whether it is 
responsible for the formation of the semi-quinone 
has not yet been determined. It is of interest that 
Oster and Wotherspoon3 have concluded, from the 
results of experiments on the photoreduction of 
methylene blue by EDTA in red light, that the 
first excited singlet state is not involved. They 
estimate that the lifetime of the excited state 
which takes part in the reaction is equal to or greater 
than 87 /¿sec. This is considerably greater than the 
lifetime of the excited state of methylene blue 
observed in the present experiments. However, 
Oster and Wotherspoon’s results were obtained in 
solutions at pH values in the region 4.8-11.0 which 
have not yet been investigated by flash photolysis. 
Some very recent results obtained with thionine3 4 
ha ve shown that at low ferrous sulfate concentra­
tions the semiquinone of this dyestuff is formed by 
a route other than the direct reaction of the singlet 
state.

On the assumption that the intermediate com­
pound observed in the presence of ferrous sulfate 
is in fact the semiquinone, some data obtained by 
using varying flash intensities have been used to 
determine the approximate rate constant for its 
dismutation. The results (Table I) indicate a 
value of 0.1-0.2 X  10101. mole-1 sec.-1 which is of 
the same order as the maximum possible rate 
calculated from the encounter frequency5 (0.6 X 
10101. mole-1 sec.-1) and shows that the dismutation 
reaction takes place with very high efficiency.

Effect of Added Ferric Iron.—The ferric iron 
produced during the reduction of methylene blue 
by ferrous sulfate slowly reoxidizes the leuoo- 
methylene blue in the dark. The ferric iron should 
also be capable of oxidizing the semiquinone radical 
but the degree to which this reaction occurs will 
of course depend on its rate as compared with that 
of the dismutation reaction and it will be accelerated 
by the addition of extra ferric iron to the solution. 
The solutions used to obtain the results shown in 
Table I above did in fact contain additional small 
quantities of ferric iron which were present in 
the ferrous sulfate used. The effect of ferric iron 
was neglected in calculating the rate of the dismu­
tation reaction and it was therefore necessary to

(3) G . Oster and N . W otherspoon, J . A m . Chem. Soc., 79, 4836
(1957).

(4) C . A . Parker, N ature, 182, 245 (1958).
(5) J. Q. U m berger and V . K . L a  M er, J . A m . Chem. Soc., 67, 1099

(1945).

confirm that the direct oxidation by ferric iron was 
in fact slow under these conditions.

A series of experiments were carried out in which 
increasing quantities of ferric sulfate were added 
to the solution before flashing and the over-all 
changes in optical density which occurred (a) 
during the flash and (b) during the subsequent 
simultaneous reactions of the semiquinone were 
measured. Thus if the two simultaneous reactions 
of the semiquinone are represented as

methylene
blue

Fe3 +
— ■<—  semiquinone 

k,
leuco-methvlene blue

kd ki

and if A\, A 2 and A 3 represent, respectively, the 
optical densities of the solution before the flash, 
immediately after the flash and after all the semi­
quinone has reacted (but before the leuco-meth- 
ylene blue has reacted appreciably), then

A ,  —  A s  

A  i  —  A  2 (
kjCj 
t ' j f  s

fcdCs\~|
kiCi )  J

in which Ee and E b are, respectively, the extinction 
coefficients of the semiquinone and methylene blue 
and Cf and Cs are, respectively, the concentrations 
of ferric iron and semiquinone immediately after the 
flash.

The results obtained with various added con­
centrations of ferric iron are shown in Table II. 
The value of (1 — E JE b) was calculated from the 
results obtained on the first solution, to which a 
small quantity of phosphate had been added and 
in which therefore the “ free ferric iron”  concen­
tration was assumed to be considerably reduced 
(that it was in fact very low was confirmed by the 
very slow rate of reoxidation of leuco-methylene 
blue in this solution). The remaining values of (At 
— A 3)/(A 1 — A 2) and the corresponding calculated 
values of kfCt/kdCs indicate that the ferric iron 
oxidation of the semiquinone is not significant below 
ferric iron concentrations in the region of 5 X 10-4 
M. Taking into account the comparatively large 
experimental errors involved in measuring the 
traces, the constancy of the values for ks/kd lends 
support to the assumptions made.

From these results it is possible to write down the 
more complete reaction scheme for the photo­
reduction of methylene blue by ferrous sulfate in 
approximately 0.09 N  sulfuric acid as
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T a b l e  II
E f f e c t  o f  F e r r i c  I r o n  o n  t h e  D e g r e e  o f  D i s m u t a t i o n

Initial concn. of methylene blue II CO X o 6 M ; [FeS04j
from the hist experiment = 0.70; (Eb —

[Fe(SO,),/,l
= C f, M (a. -  Xi) C S X  10'

1.70 X 10-4 (contain- 0.204
ing M NalFPOi)

1.78 X 10-4 .203 2.8
6.10 .200 2.7

11.9 .195 2.7
31.3 .191 2.6

101 .191 2.0
294 .168 2.3
907 .126 1.7

1.093 M ; [H2804] =  0.093 N; (1 -  Ea/EB) calculated 
= 0.73 X 1051. per mole for 7.55 cm.

A\ — .4 j kiC i
A\ — At kdCs . - X  10 

kd

0.716 Very small

.704 0.003

.652 .024 l . i

.580 .069 1.6

.433 .24 2.0

.298 .59 1.5

.119 2 .4 1.9

.006 Large
Fe3 + (k i )

1 hv Fe2 +"R > *R > 3"
Fe3 +

t  1
(slow) A.

kd kd

in which
kd =  1.5 X 109 1. mole 1 sec.-1
ki =  2.4 X 1051. mole 1 sec.-1

both of these reactions being very much faster than 
the reoxidation of leuco-methylene blue in the 
dark (under the conditions investigated). Since the 
experiments were all carried out in the presence of 
a high and substantially constant concentration of 
sulfate ion the value of ki does not of course repre­
sent the true rate constant for uncomplexed 
Fe3+.

Discussion
One additional reaction needs to be considered, 

that is, the reverse of the dismutation reaction, 
which if very rapid, would lead to an appreciable 
equilibrium concentration of the semiquinone in 
partly reduced methylene blue solutions in the 
dark. From electrometric data Michaelis and 
co-workers6 have concluded that in partly reduced 
solutions of methylene blue in dilute acid a few 
per cent, of the total dyestuff can be present as the 
semiquinone. On this basis the complications in­
troduced by the reverse of the dismutation reaction 
can be safely neglected for the purpose of calculating 
the approximate values of EJE-q and ks in Table II.

If the equilibrium concentration of the semi­
quinone in partly reduced solutions is appreciable, 
the reoxidation of leuco-methylene blue in the 
dark may proceed by two reactions, i.e., the direct 
reaction with ferric iron, and by the reaction of 
ferric iron with the equilibrium concentration of 
semiquinone. Thus

=  fcP[Fe][L] +  >AfcilFe]fS]

where [S] is the equilibrium concentration of semi­
quinone. Observations of the rate of re-formation 
of methylene blue after the completion of the 
dismutation reaction provide a very approximate 
value for the constant K  in

(6) L. Michaelis, M . P. Schubert and S. Granick, J. Am. Chem.
Snc. 62, 204 (1940).

For solutions containing between 3 X 10-4 and 
3 X 10-3 M  ferric iron(where about l/i-1/3 of the 
dyestuff was in the reduced form after dismutation) 
K  was apparently of the order 0.03-0.1 sec.-1 
(although it did not appear to be directly pro­
portional to the ferric iron concentration). As­
suming a value of 0.03 for K  at (Fe3+) =  3 X 10-4 
M, it is calculated that the maximum possible 
equilibrium concentration of semiquinone is less 
than 0.1% of the total dyestuff present. This is so 
much less than the value quoted by Michaelis and 
co-workers that some complicating factors in the 
reoxidation of leuco-methylene blue are indicated 
and this reaction calls for a careful investigation.

The thionine-ferrous iron system was investi­
gated by Rabinowitch7 under photostationary con­
ditions and to explain the results a reaction scheme 
similar to that described above for methylene blue 
was set up. He deduced values for k<j and for 
kB or kp (velocity of oxidation of semiquinone or the 
leuco compound by ferric iron). The values 
compared with those obtained in the present work, 
are

M ethylene blue Thionine 
(present work) (Rabinow itch)

Dismutation 
Reverse of dismutation 
Oxidation of semiquinone 
Oxidation of leuco compd.

(apparent)

Clearly a reinvestigation of the thionine system 
using the method of flash photolysis would be most 
desirable.

It is of interest to compare the oxidation of fer­
rous iron by methylene blue with the reduction of 
ferric iron by oxalate. Both reactions require the 
over-all transfer of two electrons, and both there­
fore involve the formation of an intermediate “ half 
reduced”  free radical state. With the former re­
action, this intermediate state is the semiquinone 
which disappears primarily by dismutation except 
in the presence of high concentrations of product 
(Fe3+). With the latter reaction, the intermediate 
is the oxalate radical ion (or some complex of it) 
and this only disappears hy dismutation at low 
concentrations of reactant (Fe3+). At high con-

(7) E . R abinow itch, J. Chem. F hys.. 8, 551 (1940).

1.5 X 10> 0 .5 -2 .5 X 1 0 «
<104 2.5 X 104

1.8 X 10s)
30-100 > 2.5 X 10’
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centrations of reactant it reacts further with the 
reactant, an apparently negligible amount then 
undergoing dismutation, thus

B +  Fe2 + — 3--------B -  +  Fe3 +
2 B - — s--------B +  B2-

compared with
C20 ,2-  +  Fe3+— > ------C .04-  +  Fo2+
C20 4-  +  Fe3+ — > ------ '2CO-2 +  Fe2+

Conclusions
The results obtained in the present experiments 

are only of a preliminary nature, they cover only 
a very limited range of conditions and require more 
precise investigation. They do however show that 
the high rate of the dismutation reaction of the 
semiquinone intermediate can be the dominating 
factor governing the course of the photoreduction

of this type of dyestuff. Further work is now re­
quired to determine: (a) whether this holds also 
for other ionic forms of the intermediate (i.e., 
when photoreduction is carried out in solutions of 
widely different pH value), (b) whether it is true 
also for other dyestuffs such as thionine, (c) to 
what degree other oxidizing or reducing agents can 
compete with the dismutation reaction by reacting 
with the semiquinone and (d) to determine the 
effect of polymeric substances upon the dismutation 
reaction (i.e., in systems previously investigated by 
Wotherspoon and Oster8 by methods involving con­
tinuous irradiation at normal light intensities).

The author thanks Dr. E. J. Bowen, F. R. S., for 
much helpful advice and discussion. This paper is 
published by permission of the Admiralty.

(8 ) N . W o t h e r s p o o n  a n d  G . O ster , J . A m . C h em . S oc ., 7 9 , 3 9 9 2  
(1 9 5 7 ) .
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It has been suggested repeatedly that chlorophyll 
plays in photosynthesis the role of a “ photo­
enzyme” —more specifically, a “ photo-oxydo- 
reductase” —mediating, in the light-excited state, 
the transfer of hydrogen atoms (or electrons) from 
a reductant with a low reduction potential to an 
oxidant with a low oxidation potential, thus storing 
a part of its excitation energy as chemical energy of 
the products.

From this point of view, it would be very im­
portant to find evidence of reversible formation of 
reduced (or oxidized) chlorophyll during photo­
synthesis. Observations of changes in the absorp­
tion spectrum of photosynthesizing organisms in 
light provide one possible approach to this problem.

Sensitive measurements of the “ difference spec­
trum” (difference between the absorption spectra 
of dark and illuminated cells), by a method similar 
to that first used by Rabinowitch1 for the study 
of photodissociation of halogen molecules, were 
first made by Duysens2-6 later by Witt,7-10

(t ) W ork supported b y  a grant from the Office of N a va l Research*
(1) E . R abinow itch and H. L . Lehm an, T ra n s. F a ra d a y  S o c .,  1 6 7 , 

089 (1935).
(2) L . N . M . Duysens, Thesis, U niv. of U trecht, 1952.
(3) L. N . M . Duysens, N a tu re ,  173, 092 (1954).
(4) L . N . M . Duysens, S c ien ce ,  120, 353 (1954).
(5) L . N . M . Duysens, ib id ., 1 2 1 , 210 (1955).
(6) L . N. M . Duysens, W . J. Huiskam p, J. J. Vos and J. M . van der 

Hart, B io c h im  et B io p h y s .  A c ta ,  1 9 , 188 (1950); see also “ Research in 
Photosynthesis,”  Interscience Pub., N ew  Y ork, N . Y ., 1957, pp. 104- 
17d.

(7) H . T .  W itt, N a tu r ic iss ,, 4 2 ,  72 (1955); Z . physi/c. C h em ., 4 , 120 
(1955).

(8) H. T . W itt. Z. E lek tro ch em ., 59, 10, 981 (1955).
(9) H. T . W itt, ib id .,  6 0 , 1148 (1956).
(10) H. T . W itt. “ Research in Photosynthesis,”  Ed. b y  Hans 

Graffron, et a l .,  Interscience Publishers, New Y o rk , N . Y ., 1957, pp. 
75-84.

(10a) H. T . W itt and R . M oraw , Z . p h y s ik . C h em ., 1 2 , 343 (1957); 
1 3 , 113 (1957).

(10b) H. T . W itt, R. M oraw and A . M iller, ib id ., 13, 113 (1957).

Lundeg&rdh,11 Strehler et al.,'- Chance13 and 
Kok.14-16 With the exception of Kok, these au­
thors covered only the spectral region <660 my, 
and did not find in it any changes attributable to 
reversible transformations of chlorophyll, but only 
such associated with the reversible oxidation of 
cytochromes (perhaps, also with reversible reduc­
tion of pyridine nucleotides), and with the trans­
formations of “ unknown pigments.”  In the case 
of the green alga, Chlorella, the most prominent 
change was of the last-named type, involving 
the weakening, in light, of a band at 480 my and 
growth of a band at 515-520 my (Duysens, Witt, 
and others).

The appearance of a band at 520 my was sugges­
tive of certain known transformations of chloro­
phyll—particularly, of its conversion into a “ pink” 
reduced product, observed in solution by Kras- 
novsky,17 Evstigneev, et al. , ' 8 and Bannister.19 
The name “ eosinophyll” is suggested for this com­
pound.

However, this interpretation was not considered 
by Duysens, or Witt, and this for two reasons:
(a) their failure to observe a correlated decrease 
in absorption in the red (or blue-violet) band of

(11) H. Lundeg&rdh, P h y s io l .  P la n ta ru m , 7, 575 (1954).
(12) B. L. Strehler and V. M. Lynch, A r c h . B io ch em . et B io p h y s . ,  

70, 527 (1957); “ Research in Photosynthesis,”  Interscience Publishers, 
New York, N. Y., 1957, pp. 85-99.

(13) B. Chance and L. Smith, N a tu re , 175, 803 (1955); “ Research 
in Photosynthesis,”  Interscience Publishers, New York, N. Y., 1957, 
pp. 179-197.

(1 4 )  B . K o k , B io ch im . et B io p h y s . A c ta ,  2 2 , 401  (1 9 5 6 ).
(15) B. Kok, N a tu re , 179, 583 (1957).
(16) B. Kok, A c ta  B o ta n ica  N eer la n d ica .  6 , 316 (1957).
(17) A. A. Krasnovskj\ C o m p t. rend . (D o k la d y )  A ca d . S c i .  U S S R ,  

60, 421 (1948); 61, 91 (1948).
(18) V. B. Evstigneev and V. A. Gavrilova, ib id .,  91, 899 (1953).
(19) T. T. Bannister, Thesis, Univ. of Illinois, 1958; presented at 

the Endicott House Conference on Photochemistry of Condensed 
Systems, Sept. 1957, in press.
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Fig. 1.— Difference spectra of C Morelia pyrenoidosa ( “ thin”  suspension in carbonate buffer, no. 9) in white light (Xmax =  555 
him) of different intensities: dots, incident light intensity, 3.4 X 1014fi»'/(sec. X cm.2); circles, incident light intensity, 
12.0 X  10M/i>'/(sec. X  cm.2); crosses: incident light intensity, 31.4 X 10,4hr/(sec. X  cm.2).

chlorophyll, and (b) the apparent correlation of 
the absorption increase at 520 mu with the ab­
sorption decrease at 480 m/i—a region where chlo­
rophyll a does not absorb. (The location of the 
blue absorption peak of chlorophyll b in vivo is not 
well known, but it may lie near 475 m/i; however, 
that of the reduced form of chlorophyll b is located, 
according to Evstigneev, at 560, and not at 520 
m u.)

Coleman and Holt have first measured in our 
laboratory the difference spectrum of illuminated 
Chlorella cells up to 720 m/i, and found a “ negative” 
band (a decrease in absorption in light), at 680 
m/i— i.e., in the position of the main absorption 
band of chlorophyll a in vivo. 20 The relation 
of this “ negative”  band to the “ positive” band at 
520 rnw remained, however, uncertain, because of 
the use of different sources of actinic light for 
measurement in the two spectral regions.

Following are some results of the continuation of 
this study by Coleman. The instrumentation was 
essentially the same as in 20; improvements (in­
cluding the provision of a device to measure the 
difference spectrum of scattering) will be described 
elsewhere.

Figure 1 gives a selection of the results. It rep­
resents difference spectra of Chlorella cells suspended 
in bicarbonate buffer no. 9, for three intensities of 
white light [3.4, 12 and 31 X 1014 incident quanta 
per sec. per cm.2]. The curves correspond to 
completely reversible and practically steady 
changes, observed after 1-3 minutes of illumination. 
With longer illuminations, slower, and not im­
mediately reversible, changes in absorption began

(20) T. W. Coleman, A. fe. Holt, and E. Rabinowitch, “ Research in
P h o to sy n th es is Interscience Publishers, New York, 1957, pp. 08—74.

to occur. One of the important points, which will 
have to be elucidated by further studies, is to 
what extent the observed difference spectra can 
be considered as characteristic of the steady state 
of photosynthesis, and to what extent they may 
be affected by induction phenomena.

One would not expect changes characteristic of the 
transient induction phase to remain constant during the 
period from 1 to 3 minutes after the beginning of illumina­
tion; also, one would expect such changes to be strongly 
affected by the duration of the preceding dark period, 
temperature and other factors, which Coleman found to 
have little influence on the changes represented in Fig. 1. 
Nevertheless, a closer study is needed to separate clearly 
steady-state effects from transient phenomena. In par­
ticular, the sometimes complicated relations observed by 
Coleman between the amplitude of a difference band and the 
intensity of illumination may be due, at least in part, to 
the superposition of transient changes upon the steady state 
effect.

Figure 1 reveals a complicated picture of a dif­
ference spectrum containing about a dozen “ nega­
tive”  and two (or three) “positive”  bands; each 
of these may represent a potentially valuable piece 
of information concerning reversible changes in the 
photocatalytic apparatus of the cell.

The ordinates in Fig. 1, marked 1000 X e, are 
fractional changes in absorption, Al/I (expressed 
in tenths of a per cent.). For a change dc in the 
concentration of an absorber with molar absorption 
coefficient e, in a vessel 1 cm. deep, we can write

=  d log (/„/ / )  I„ d l dI
( dc I  h d c  I  dc

Since we deal with small changes (A //7<0.3% ), 
A //A c =  dl/dc, and consequently

-  y  =  *Ac (1)
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Fig. 2.— Dependence of the intensity of difference spec­
trum bands on light intensity: I, effect saturated in low 
light, then declining (420 mg); 2, effect saturated in low 
light, then constant (hypothetical); 3, effect disappearing 
in low light, approaching saturation in high light (680 
mg); 4, superposition of (1) and (3) (480 m g); o, super­
position of (2) and (3) (520 mu).

In other words, the curves in Fig. 1 are propor­
tional to the molar extinction curves of appearing 
(or disappearing) molecular species. However, 
this is only true if their bands do not overlap. If 
a disappearing molecular species is replaced, mole- 
cule-for-molecule, by another one, with an overlap­
ping band,then

-  y  =  («1 -  e,)Ac (2)

The case of a certain molecular species merely 
changing its state, causing a shift of its absorption 
band (or a change in its shape) is a special case of
(2). Overlapping of an appearing band with a dis­
appearing band can lead to a difference spectrum 
with several (positive and negative) peaks. (For 
example, replacement of a sharp band by a broader 
band in the same position obviously mil result in 
a difference spectrum with two positive peaks on 
two sides and a negative peak in the middle.) 
It is thus not permissible to consider each peak in 
the difference spectrum as evidence of a molecular 
species with an absorption band in this position.

In our difference spectrum in Fig. I, the peak at 
520-530 mg almost certainly corresponds to a new 
species with a band in this position (although its 
shape on the short wave side may be affected by 
overlapping with the negative band at 480 mg). 
The same is likely to be true of the strongest “ nega­
tive” bands—at 420 and 480 mg in weaker light, 
and at 390, 480 and 680 mg in strong light.

The negative peaks at 420 and 560-565 mn are 
the ones attributed by Duysens, Lundegardh, and 
Chance to the reversible oxidation of a cytochrome 
(perhaps, cytochrome f) in light. They are rela­
tively prominent in weak light, but soon become 
light-saturated. In fact, the main cytochrome 
difference band at 420 mg has the highest observed 
intensity in the weakest light used, 3.4 X  10H 
hv/(sec.cm.2), and then declines (Fig. 2). It may 
be that the cytochrome changes are largely induc­
tion phenomena, which are more rapidly completed 
in stronger light.

In weak actinic light, the most prominent bands 
are those observed by Duysens, et al.—the negative 
bands at 420 mg (cytochrome f ?), and at 480 mg,

and the positive band at 520 mg; we recall that the 
latter two bands were attributed by Duysens to the 
transformation of an “ unknown pigment.”  In 
stronger light, new negative bands appear at 390 
and 450 mg; the former continues to grow with 
increasing light intensity, while the latter becomes 
saturated and disappears almost completely at the 
higher intensities.

However, what interests us most is the ap­
pearance, in strong light, of a system of negative 
bands in the red region. These bands, absent in 
weaker light (in agreement with Duysens’ obser­
vations!) become, in the strongest light used (31 X 
1014 hv/(sec. X cm.2)), of equal prominence with 
the negative band at 480 mg and the positive band 
at 520 mg (the peak of the latter is shifted in strong 
light, toward 530 mg).

In Fig. 3, the difference spectrum of Chlorella, 
in the strongest light used by Coleman, is shown 
again and compared with the difference spectrum 
of chlorophyll a and its “ pink”  reduction product 
“ eosinophyll”  [cf. Krasnovsky et al.. and Evstig­
neev and Gavrilova,18], as determined by Ban­
nister19 in our laboratory, using ether as solvent 
and phenylhydrazine as reductant. The scale 
on the right applies to Coleman’s dashed curve; 
that on the left, to Bannister’s solid curve. The 
latter was shifted on the frequency scale so as to 
make the two red peaks coincide, as is customary 
in the comparison of spectra in vivo and in vitro. 
The ordinates are marked Ae on both sides, although 
those on the left represent absolute changes in 
optical density, and those on the right, relative 
changes in transmission (as explained above, for 
small changes the latter, too, are proportional to 
changes in concentration of the absorbing species).

The coincidence of the peaks at 430, 525 and 680 
mg in the two curves in Fig. 2 makes it permis­
sible to assume, as a working hypothesis, that the 
difference spectrum of Chlorella in ‘ ‘strong”  light does 
contain, as one of its main components, the spec­
tral change caused by the reduction of chlorophyll 
a to a compound of the type of Krasnovsky’s 
“ eosinophyll” . (The negative peak at 650 mg and 
the positive peak at 575 mg may be due to a sim­
ilar transformation of chlorophyll b!).

Other component processes obviously must be 
postulated, among them the one that predomi­
nates in weaker light: the conversion of a com­
pound absorbing at 480 mg into one absorbing at 
520 mg. Figure 2 shows that the intensity de­
pendence of the 480 and the 520 mg peaks make 
them appear as superpositions of two changes—  
one saturated in relatively weak light, the other 
only in much stronger light, similarly to the 680 
mg peak.

As to the nature of the compound, responsible 
for the 480—»-520 shift, the temptation is great to 
implicate a carotenoid. The shifting of the ab­
sorption band from 480 to 520 mg could be caused, 
for example, by the addition of one double band to 
the conjugated system— i.e., by a reversible oxida­
tion. Another possibility is to relate the 480—»-515 
mg band shift to the strong displacement the caro­
tenoid bands show upon transition from molecular 
dispersion to the colloidal form (the long wave
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Fig. 3.— Comparison of difference spectra of Chlorella [at 31.4 X  10H /ir/(sec. cm.2)] (scale at right— relative change in 
transmission) with that of chlorophyll a solution in ether in the presence of phenylhydrazine (scale at left— absolute change 
in optical density). Adjusted so that the two red peaks coincide.

band of colloidal carotene /3 in water lies at 510- 
535 mg). Equally strong shifts are caused by 
association of carotenoids with highly polarizable 
molecules (e.g., the absorption band at carotene /3 
in CS2 lies at 521 mu). One difficulty of the hypoth­
esis is that the principal carotenoids of green 
cells have, in vitro, absorption spectra with 2 or 3 
peaks (e.g., carotene (3 in ether, at 478 and 449 
ma). The difference spectrum of Chlorella <480 
mg is quite complex; it does show a band at 450 mg, 
but this band is absent in low light, when the 480 
mgi peak already is prominent.

If one postulates, as a working hypothesis, that 
the negative difference bands around 680 mgi, 
as well as a large part of the positive difference 
band at 530 mg, are caused by a reversible reduc­
tion of chlorophyll in vivo to an analog of Kras- 
novsky’s “ pink”  intermediate, then two observa­
tions appear significant, (a) Saturation of these 
changes occurs in (white) light of about 5 X 1015 
/if/ ( cm.2 sec.), corresponding to about 5 X 103 
lux. This is approximately the order of magnitude 
of light intensity needed to saturate photosyn­
thesis in Chlorella. (A variety of values have been 
given in the literature for the latter intensity— 
ranging from 2 to 20 X 103 lux), (b) The roughly 
extrapolated maximum of the difference effect at 
680 mgi is about 0.3% (maximum actually ob­
served effect, 0.23%). Calculation shows that 
this corresponds to the disappearance of one chloro­
phyll molecule out of about 300-400. The simi­
larity of this number with the number of molecules 
in the “ photosynthetic unit,”  as suggested, e.g., 
by measurements of Thomas and co-workers21 
on the effect of particle size on the activity of 
chloroplasts, is suggestive: photosynthesis appears 
saturated when one chlorophyll molecule in each 
“ unit”  is in the decolorized state.

(2 1 )  J . B .  T h o m a s ,  D .  H . B la a u w  a n d  L . N . M .  D u y s e n s , B io ch em . 
B io p h y s . A c ta ,  10, 230 (1953^.

The sigmoid shape of the 680 mgi curve in Fig. 2 
suggests that in the light-limited state of photo­
synthesis, chlorophyll is not markedly bleached. 
One can suggest that in this state chlorophyll is 
photo-reduced only to the instable intermediate 
(semiquinone?)— whose existence is clearly indicated 
by the kinetics of the Krasnovsky reaction (c/., e.g., 
Bannister19)-which is practically instantaneously 
re-oxidized to chlorophyll. Only when light satur­
ation of photosynthesis sets in, does the intermedi­
ate accumulate in amounts which permit some if it 
dismute, forming the more stable, pink “ eosino- 
phyll.”

A d d e n d u m : Since the presentation of this
paper at the Endicott House Symposium in 
September, 1957, a detailed paper by Kok16 ap­
peared, describing difference spectra between 310 
and 820 mgi observed in different strains of Chlo­
rella, Scenedesmus, Nitzschia, Nostoc, and in chloro- 
plast suspensions. (Kok’s technique was based on 
the use of flashing actinic light, with absorption 
measurements made between flashes). While Kok’s 
pictures of the difference spectra show striking 
general similarity to our Fig. 1, individual spec­
tra display a considerable variety, particularly 
in the long wave region. In general, the same 
three negative bands—650, 680 and 705 mgi (cf. 
Fig. 1)—appear in this region. However, only 
in a few of Kok’s pictures is the 680 mgi band pre­
dominant; more often it is the 705 mgi band, which 
Kok first14 considered particularly significant, 
because it could be associated with a type of 
chlorophyll molecules able to serve as ultimate 
“ energy sinks”  in the resonance energy transfer 
chain. Later, Kok16 became concerned with the 
possibility that the several band peaks in the red 
region can be caused by band shifts or changes 
in shape, rather than by the disappearance (or 
appearance) of separate bands. Obviously, more



34 C. SlVERTZ Vol. 63

extensive, systematic studies will be needed to in difference spectra of the shape of those in Fig. 1, 
secure the interpretation of even the main positive the prominent negative peak at 680 m/i definitely 
and negative difference bands; but we feel that indicates reversible bleaching of chlorophyll.
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Some aspects of previous work are drawn together to illustrate some common problems in free radical kinetics with par­
ticular reference to termination. It is shown how useful information can be elicited by the stud}' (a) of the attack of a com­
mon radical on various substrates and (b) of different radicals on a common substrate. Reference is made to a mechanism 
for “ buried”  radicals. Finally, a preliminary report is made of a new technique which employs cis and trans forms to help 
penetrate the micro kinetics of a radical attack on t bonds.

Introduction
Since the advent of a quantitative approach to 

free radical chemistry in terms of the measurement 
of absolute rate constants, much effort and in­
genuity has been spent on the “ isolation”  of a given 
radical so that its termination fate and action on 
functional groups may be unambiguously inter­
preted. This neat arrangement cannot easily be 
achieved nor is it always desirable, so that one is 
usually involved with two primary radicals at least. 
These in turn may attack several functional groups 
yielding other radicals in side reactions which can 
soon produce intractable equations.

In the work to be described, the object has been 
primarily to learn about radicals, not to elucidate a 
particular mechanism, no matter how complex.

The reactions chosen involve the free radical 
addition of mercaptans to various olefins, for 
example, CH3SH +  CH2= C H 2 CH3SCH2CH3. 
Several reasons influenced this choice after some 
necessary preliminary facts were known. First 
the propagation steps, attack and transfer, are 
ordinarily very fast for mercaptan addition so that 
a long kinetic chain producing a single main 
product is ensured. A long chain permits neglect 
of termination reaction products compared to the 
main chain products. Secondly, we hoped to make 
studies of the same basic process in both liquid and 
gas phase. Even CH3S radicals terminate with­
out the ministrations of a third body in the gaseous 
phase thus avoiding a termination complication in 
that phase. For example, this is not true for the 
gaseous addition of HBr to olefins.1 Finally one 
can be assured that the field of bio-kinetics will 
welcome any and all knowledge about the chemistry 
of mercaptans.

If one is to draw conclusions from rate measure­
ments concerning the specific activity of radicals 
and relate the structures involved, it is essential 
that absolute constants be measured since the over­
all rates of such reactions always involve at least 
a termination constant in addition to propagation. 
Consequently in the work described a dilatometer-

(1) K . G raham , Thesis, U n iversity  of W estern Ontario, London, 
C anada.

sector technique was employed, descriptions of 
which may be found elsewhere.2
Basic Equations

A set of basic equations for a given reaction 
cannot be given a priori. Even the termination of 
methyl radicals in the gas phase required hundreds 
of man hours of research time before it was possi­
ble to assert that the mechanism is CH3 +  CH3 —► 
C2H6*. Some are not yet convinced.

Preliminary work involving product analysis, 
but not termination products, with the system 
under discussion, suggested the following were 
the mam reactions. We will not complicate the 
preliminary kinetics with another reaction reversing
(2) which was discovered in gas phase work.

In the liquid phase, reactions were initiated by 
the photolysis of azoisobutyronitrile (AIN), and 
of mercaptan in the gas phase. The rate of 
initiation kl was determined as in ref. 3 and by NO 
in the gas phase.4

k l  ■ RSH ■
Photoinitiation AIN +  hv — >- R  (------- >  RS)

fc.
Attack RS +  M  — >- RSM (=  X )

Displacement

Propagation

Termination

X  +  RSH -
. kp

X r +  M — X r+l 

2RS RSSR

Product -f- RS

RS +  X - RSX
■ k$

2X — >  X

(1)

(2)

(3a)

(3b)

(4)

(5)

(6)
Steady States

We will write the steady states for the gen­
eral case of a monomer such as styrene, ca­
pable of propagation and hence the production 
of a family of X  radicals whose total concentration 
will be designated 2 X  =  X, +  X 2 + .............X «

(2 ) J. P . F lory, “ Principles of P olym er C h em istry ,”  Cornell U niv. 
Press, Ithaca, N . Y .,  1953, p. 148.

(3) R . B a ck  and C-. Sivertz, Can. J . Chem., 32, 1061 (1954).
(4) W . A ndrew s, Thesis, U niversity  of W estern Ontario, London. 

Canada.
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(I) (RS) kl +  Ad(RSH) [2X] = fc,(RS)(M) +

2k\( RS)2 +  fe(RS)(ZX)

(II) (XO fci(RS) (M) = fep(X,; (M) +  M-X.KRSH) +

2Aj,b(X1)(2X) +  fcs(RS)(X,)

(III) (X2) i p(Xi)(M) — ¿p(X*)(M) +  A'u(X2)(R&H) -f-

2A-'6(X,)(ZX) +  A„(RS)(Xj)
(IV) X r A’(Xr-l)(M ) = A‘p(Xr)(M) -f- kd (Xr) (RSH) +

■2k\ (Xr) (ZX) +  fe(RS)(Xr)

This statement assumes as usual that kp and k6 

are independent of radical size. In summing II 
to 00 we have a useful relation
fci(RS)(M) =  fcd(RSH)(ZA') +  Partial terminations (7)

which permits us to express (RS) in terms of (2X ) 
'provided, the terminations (kl) are relatively neg­
ligible.
The Termination Problem

Summing the steady-state equations
kl =  2yt'4(RS)2 +  2A6(R S)(ZX ) +  2 A-'6(SA')2 (8) 

This can be expressed more usefully by defining 
‘2k'i =  Aii, 2A-'6 =  A’6, A’5 =  <f> ■%/ktki, (<j> $> 0) and 
u~ =  h/h. Also through i7) (RS) =  (*d(RSH )/- 
ki(M)](XX). We will henceforth write XX  =  A", 
and we then have
kl r fcd(RSH) 

L fc i(M )
■]2+  2 «<*>[

/id (R S H ) 
fc(M ) ] +  l j  ( X ) 2

(9)

Any theoretical anticipation of <f> values will in­
volve the same fundamental principles of quantum 
chemistry and kinetic theory as the much treated 
problem of “ crossed”  interaction of molecules 
through van der Waals forces where, for example, 
we find the geometric mean, corresponding to <f> = 
1, applies to all London-force molecules. Where 
considerable difference in polarity or resonance 
stabilization exists this would not be true. <f> 
values as high as 150 have been observed,6 but 
most reported values are much less.6 There 
should also exist differences in <f> between gas and 
liquid phase, and steric effects could play a big role.

These considerations suggest two ways of dealing 
with (9).

(1) Measure 0 and p.— Isolate the X  radical by 
arranging (M) ) ) )  (RSH). Then (X ) = (k l/ k ^  
and the half-life sector measurements evaluate A-6; 
similarly with RS and fc4. The magnitude of 0 
may then be evaluated from observations of rates 
where both radicals are present. This procedure 
was first applied by Melville, Robb and Tutton.7 
It can be followed readily in copolymer studies. 
I11 systems such as ours the success in isolating a 
radical depends on the ratio ukd/ki. I f one has 
some approximate knowledge of this ratio, the 
isolation can perhaps be achieved at least for one 
of the pair.

(o) C . W alling, "F ree  Radicals in Solution,”  John W iley and Sons, 
Inc., New Y o rk , N . Y ., 1957, p. 323.

(6) L . B atem an, Quart. R ev., 8, 147 (1954).
(7) H. W . M elville , .T. C . R obb and R . C . T u tton . D isc. Faraday  

Soc., 10, 5595 (1951).

Log light flash (see.).
Fig. 1.— Cyclohexene n-BuSH reaction; half-life determina­

tion.

Fig. 2.— 1-Pentene—n-butvl mercaptan; rates vs. concentra­
tion.

Concn., moles/1. 
Fig. 3.

(2) Assume the Geometric Mean 0 = 1  (which 
one may regard as the “ ideal” law of termination). 
—A good approximate value of u may be employed 
based on a half-life for a large excess of M which 
gives k(, approximately and we may employ an 
estimated value of 5 X 1011 for normal thiyl radi­
cals.8 This permits us to explore the important 
concentration effects implicit in (9). We will see 
that certain important and firm conclusions can be 
drawn. Meanwhile, work is proceeding on a new

(8) M . Onyszohuk and C\ Si vert sc, Can. .7. Chem., 32, 1034 (1954).
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Fig. 4.— Cyclohexene »-butyl mercaptan; rates !>s. concen­
tration.

method for referred to below. With this pro­
cedure we have from (9)

where

(X) = ______ws______
Mfcd(RSH) 

+  fci(M)

(10)

“ 6 =  y/kl/k6

Rates in the Liquid Phase.—Benzene was em­
ployed as solvent. From (10) the rate

„  d(RSH) [jfca(RSH) +  kp(M)\(kI/h)'/,
K ~  dt ~  «Ad (RSH) ( 1

+  Ai(M)

Figure 1 shows a typical determination of the 
half-life X for radicals in the system cyclohexene 
«-butylmercaptan with a considerable excess of the 
olefin. From the relation k6 =  l/kl \ 2 we find 
/c6 =  1.3 X 1091./moles sec.

Somewhat arbitrarily we can define addition 
reactions which can be interpreted by equation 
11 as normal. Certain reactions described below 
require additional basic reactions and hence may 
be called abnormal. All velocity constants are 
expressed as liters/moles sec.

Normal Reactions, (a) Figure 2. «-Butyl Mer­
captan and 1-Pentene.8—-In this case
kp =  0 and ukd/ki =  0.5 for a best fit to both curves 
A'6 =  5 X  1010 and A, estimated to be 5 X  1011 and hence 

u =  3
kd =  1.4 X  10« and A, =  7 X  10«
Since the term in the denominator of (10) (ukd/ki 
=  0.5) is of the order of unity, consequently, on 
increasing monomer with RSH constant, we pass 
from regions where the rate is monomer dependent 
to a plateau where monomer has no further sig­
nificant influence and similarly with the variation 
of RSH with monomer fixed. This interpretation 
is one way of concluding that one is indeed dealing 
with consecutive reactions 2 and 3a involving 
independent or “ free”  radicals.

(b) Figure 3. «-Butyl Mercaptan and Styrene.9 
— In this case we find ft  =  5 X  10s, kd =  1.24 X 
103. By analysis of the competition for butyl 
mercaptan radicals (between small amounts of

(9) A . Harrison, Thesis, to be published, University of Western 
Ontario, London, Canada.

styrene with 1-pentene, when the former is added 
to the 1-pentene butyl mercaptan reaction) we 
conclude that ki styrene is about 180 X ki for 1- 
pentene or ca. 1.2 X 1091./moles sec.9 Even when 
we estimate u to be about 30 this gives for ukd/kI =  
3 X  10 ~5. Consequently the rate can be expressed 
as

R =  (Ad (RSH) +  fcp(M )K  (12)

From the gentle rise of rate with M at constant 
RSH, we calculate kp =  230 when (RSH )/(M ) =  1. 
This propagation will be due chiefly to X i at these 
concentrations. It is much larger than for the 
macro styryl radical, viz., ca. 30 at 25°. Note that 
the termination constant ke =  5 X 10s is also 
several hundred times greater than for the macro 
styryl radical which is about 2 X 106 at 25°. 
This is to be expected from previous work10 here. 
Likewise, when RSH is varied we obtain a linear 
dependence over a wide range with an intercept 
which yields a value of kp =  94 much nearer the 
macro styryl value.

Abnormal Reactions, (c) Figure 4. «-Butyl 
Mercaptan and Cyclohexene.9— In this case kp — 
0 and inspection shows at once that as in the case 
of styrene nkd/k, must be quite small. From ke 
for cyclohexene we estimate u =  20 in spite of 
which again ukd (( k,. The sharp plateau in Fig. 4 
with M varied, hence requires that the displacement 
reaction is possibly several hundred times less than 
the attack. Moreover, the variation in rate with 
RSH shows an opposite behavior from 1-pentene; 
accelerating at first with approximately the second 
power of the mercaptan. This has a reasonable 
explanation when we make these assumptions:
(a) the radical attacks the double bond in 
such a manner as to introduce sterie hindrance 
to the displacement reaction. The first work of 
Goering, et a'l., on the addition of HBr to bromo- 
cyclohexene, supports this view11; (b) the low 
value of kd for the mercaptan transfer of hydrogen 
makes the ordinary a-hydrogen abstraction of 
relative importance; and (c) finally it follows from 
considerations discussed below for thiophenol, 
that a reverse step to basic equation 2 must also 
become important. (See equation 14 below.)

These and other details will be discussed in a 
paper devoted to the cyclohexene reaction.9 
Meanwhile, it null suffice to say that when assump­
tions (b) and (c) are included in the basic equations, 
we have for the rate

Ad(RSH?u6
«A-d(RSH) uk-i oAh(M) 

+  A-i(M) +  h  (M) +  Ad (RSH)

in which a =  \//c7/fc6, h  is the termination constant 
for the allylic radicals resulting from a-dchydro-
genation of cyclohexene, viz., kH is the
velocity constant for such dehydrogenation and k'A is 
the rather low mercaptan hydrogen transfer constant 
for the allylic radical. Now provided "he last two 
terms of the denominator dominate, the results

(10) J. Longfield, R . Jones and C. Sivertz, C a n . J .  R es . ,  B 2 8 , 373 
(1950).

(1 1 ) H. L. Goering, P. I. Abell and B. F. Aycock, J . A m . C h em . S o c . t 
7 4 , 3588 (1952).
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shown in Fig. 4 follow. Pursuit of the implica­
tions of this in other related systems promises 
to throw special light on the micro process of double 
bond kinetics.

(d) Figure 5. Thiophenol-l-Pentene.12—In
this case the rate is first order in both monomer 
and mercaptan. This mechanism in turn did not 
become clear until the gas phase kinetics, dis­
cussed below, showed the existence of the reverse 

• k-1  •
step in (2) Xi — =► RS +  M. The thiyl radical 
C6H6S now is resonance stabilized and hence again 
results in a weak composite radical X. Indeed the
reaction C6H6S +  M —► X  should be endothermic 
when the composite radical represents a structure 
for the electron localized on the number two carbon. 
When this is incorporated in the steady-state equa­
tions, without propagation, we find in place of (7)

fc,T(RS)(Mp) +  i,»(RS)(M,) =  &(RSH)(X) +

fc°_i(X) +  &T— i (X) +  Terminations (13)

in which is shown the two alternative paths from 
the intermediate state, one leading to cis and the 
other to trans, when isomeric forms are relevant. 
We now have in place of (11)

Rate fcd(RSH)W6
a[fc„(RSH) +  fr»-, +  fcT-,]  

+  &it (M t ) +  M M ) .  ■

(14)

and for the attack of thiophenyl radicals on 1-octene 
we conclude that wfc-i//ci(M)>wfcd(RSlI)//ci(M)>l 
and the rate is first order in both M and RSH as 
found

R =  ki(ki/tc-1) (M) (RSH)w6/ k (15)

In other studies of cis-trans inversion in the 
liquid state (paper in preparation),13 it has been 
shown that when cis-2-butene is employed instead 
of 1-octene, a trans form is soon formed. This 
was also found for the case of butyl mercaptyl 
radical, but for this strong thiyl radical, the rela­
tive rates involved are such that fcd(RSH)>A;_i, 
and hence we do not observe the effects of the 
term fc_i(X) in the primary kinetics.12 Neverthe­
less it is a very active process and the determina­
tion of Ay without considering will be too low 
(see below) as pointed out by Walling5 in reference 
to our work and observed independently in this 
Laboratory.12'14

In the 1-pentene-thiophenol reaction half-lives 
have not been measured, and from (15) and Fig. 5 
one can at present do no more than extract a 
value for kdki/k-i.

A study also has been made of the addition of 
thiophenol to styrene12 in which the system returns 
to a “ normal”  behavior similar to butyl mercaptan- 
styrene. This is to be expected since now in spite 
of the “ weak”  thiyl radical, Ay >  /fd due to reso­
nance stabilization in the composite radical, C6H6S-
CH2-CH-C6H5.

(12) R . Pallen and C . Sivertz, Can. J . Chem., 35, 723 (1957).
(13) R . Tow nshend, Thesis, to  be published, U niversity of W estern 

Ontario, London, C anada.
(14) C . S ivertz, W . Andrews, W . Elsdon and K . G raham , J . P o ly ­

mer Sei., 19 , 587 (1956).

Conen , moles/1.
Fig. 5.— 1-Pentene-thiophe ml; rates vs. concentration.

10 20 30
Time, min.

Fig. 6.— (a) Addition of CH3SH to cis- and trans-2- 
butene; (b) simultaneous conversion of cis to trans.

Gas Phase
Preliminary studies, some previously reported14 

of the gas phase addition of methyl mercaptan 
to a series of olefins, have indicated that the 
kinetics responds to one additional basic equa­
tion which, as in the case of thiophenol, requires 
us to postulate an active dissociation of the com­
posite radical X  whose steady state now requires 
equation 14 instead of (7), and the rate for a 1-ole- 
fin is found to be represented by equation 15 and 
for czs-2-butene by (14). The experimental evi­
dence for this is as given: (a) a rate first order in 
both mercaptan and olefin15 similar to Fig. 5;
(b) an over-all negative activation energy14;
(c) the appearance of irans-2-butene from cis as 
the addition reaction proceeds1315'16 (see Fig. 6);
(d) preliminary measurements of the half-life with 
a semi-square wave character indicated a very high 
value for the termination constant ca. 10121./moles
sec.4 If this is confirmed, it suggests CH3S termi-

(15) P . Pallen, Thesis, to  be published, L^niversity of W estern On­
tario, London, Canada.

(16) R . Townshend, R . Paller. and C . Sivertz, “ T h e M echanism s 
of R adical Induced cis-tra n s  Inversion,”  paper presented a t  N . Y . 
m eeting A .C .S ., Sept. 13, 1957.
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nation predominates as a consequence of a strong 
dissociation of the composite radical X.

It should be noted that equation 15 has the form 
of a third-order process when one recalls that co6/u 
=  co4 represents the concentration of the thiyl 
radical. There seems, however, little doubt that
it concerns, so far as the half-life of the X  
radical is concerned, a rather sticky collision, 
defined by k -x. It should be recalled14 from data 
on the over-all negative activation energy, that the 
exothermic enthalpy change for the process CITS +  

h
C2H4 — > X  is ca. 12 kcal. or roughly about half 
the AH for the complete addition. On the other 
hand, for 2-butene, cis -*■ trans AH -H 000 cal. 
(T  =  25°). We therefore have the following- 
energetics in mind for the cis-trans radical in­
duced inversion

L ' . A'iT
RS +  cis < > X  < > trans +  RS

f  , F _ .
■*---- ( — 12 kcal.) ( — 11 kcal.)-— >

The equilibrium constant for cis —► trans then is 
K  =  fc1cfcT_i/^iTfe<!_ i which can be expressed 
K  =  X kic/kiT.

Determination of the True Magnitude of the 
Attack Constant kx.— As pointed out above, ob­
servations of the inversion of cis to trans for the 
addition of butyl mercaptan to m - 2 -butene in the 
liquid phase13 prove that the attack constants 
deduced above for, e.g., 1-pentene are low. We 
now attempt to measure the “ true” value for kj.

We assume as implied in equation 13 that one 
form only of the composite radical (X) is involved 
in both the dissociation reaction k— i(X ) and the
displacement reaction fcd(RSH)(X), and also that 
an attack on cis or trans results in the same inter­
mediate. While these assumptions may not be 
correct, it follows from the energetics of cis, trans 
that any values thus derived cannot be much in 
error.

Figure 6  represents the experimental results 
from preliminary observations made by Pallen15 
of the simultaneous rate of addition and formation 
of trans from m-2-butene (T =  25°) the latter 
determined by stopping the reaction and making 
gas chromatographic analysis. Details of this in 
gas and liquid phase will be published. In 20 
minutes while the cis-trans inversion has nearly 
reached equilibrium, the addition reaction has con­
sumed only about 3% of the mercaptan. If one 
measures the ratio of these rates at zero time ex­
pressed in proper units one evaluates kr- x (X) 
&d(RSH)X; similarly by starting with the trans
form kc- i  X //;d(RSH)(X) and hence the value for 
X could be determined. An integrated expression

for the entire conversion of cis to trans may then 
be set up based on (13). This involves some quite 
complex kinetics to be discussed later. Mean­
while, two simplifying assumptions appear justi­
fied by the analysis, namely, that the principal
termination is due to the CH 3S radical (o>4), and 
X =  1. While the latter is obviously not true, from 
the magnitude of the equilibrium constant for cis- 
trans at 25° (K = 0.76) and the energetics of the 
reaction, X could not be far from unity.

The net rate of disappearance of cis may then be 
written

= ^  (M c)(Rg} _  ^ . ( x )  (16)

and if we define (Me) =  (M 0°a), substitution for 
(X ) made from (13), (RS) =  &>4and X =  1 we have

- l o g  [1 -  (K +  1)«] =  X  t (17)

K  =  equilibrium constant for cis <=± trans a =  conversion

The rate of initiation ki was determined by NO 
inhibition and /c4 by the sector technique.4 The 
plot of data from Fig. 6 in the form of 17 yielded a 
straight line from whose slope a value of 6 X  107 1./ 
moles sec. for ktT was calculated. 15 This is about 
8  to 9 times faster than that reported above for 
butyl mercaptan and 1-pentene.

It is intended to carry through a program de­
signed to observe such cis-trans kinetics in both 
liquid and gas phase, induced by an array of radi­
cals and also with the same radicals in media of 
varying properties as to, for example, dielectric and 
viscosity.

Special interest attaches to the use of cis and trans 
dideuterated ethylene as a basic structure in pre­
liminary work now underway by Dr. D. Graham 
in this Laboratory. Here, complications due to 
monomer dehydrogenations should be eliminated 
at normal temperatures. After such studies it 
will be instructive to observe a series of substi­
tuted cis-trans structures attacked by a single or 
selected radical from which conclusions may be 
drawn with regard to steric and inductive effects.

Finally, when cis-trans rates are sectored in these 
systems under conditions where little addition 
occurs, one should be in a position to derive the 
termination constants for relatively isolated radicals 
derived from, for example, the photolyiss of R -
S -S -R .
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F L U O R E S C E N C E  I N D U C T I O N  P H E N O M E N A  I N  

G R A N U L A R  A N D  L A M E L L A T E  C H L O R O P L A S T S

B y  J. B .  T h o m a s  a n d  J. F. W. N u b o e r

Biophysical Research Group, Physical Institute of the State University, Utrecht (The, Netherlands)
R ece iv ed  J u ly  11 , 1 9 5 8

Fluorescence induction phenomena were studied in seven species with granular chloroplasts and seven species with lamel­
late ones. The duration of the induction period was found to be shorter in the latter objects than in the former ones. In 
the discussion it was suggested that the stroma substance probably contains part of the photosynthetic enzvmes and cofac­
tors.

Introduction
When studying the conversion of solar energy in 

nature, it is of interest to examine the commonly 
occurring, light converting, apparatus, the chloro- 
plast, and to try to get some more insight into the 
relation between its structure and function.

Generally, two types of chloroplasts can be dis­
tinguished.1-3 In one of them the pigment-carry­
ing lamellae constitute sub-units, the grana, which 
are embedded in a colorless stroma. As a rule, 
these “ granular”  chloroplasts occur in higher 
plants.

Chloroplasts of the second type, the lamellate 
chloroplasts, most probably contain pigment-carry­
ing lamellae extended throughout the whole body. 
In a number of species the lamellae are evidently 
bundled up into portions of 4-8. In between these 
lamellar bundles, stroma occurs in relatively thin 
layers.4

The latter plastids, which are found in some algal 
species, are also called grana-free chloroplasts. 
Recently, however, Butterfasz5 demonstrated the 
occurrence of thin grana, of a thickness less than 
0.15/i, in the lamellate chloroplasts of Spirogyra 
majuscula. It remains to be studied whether—and, 
if so, to what extent— the plastids of this species are 
exceptionally built. Future study may show 
whether it is advisable to discard the term “ grana- 
free” chloroplast. In any case, the mentioned 
structural differences between the presently studied 
“ granular” and “ lamellate”  chloroplasts are pro­
nounced to such a degree that it seems justified to 
retain the latter denominations. It is interesting 
that Chardard and Rouiller6 observed intermediate 
forms in three species of Desmidiaceae.

Since photosynthesis seems to consist of a typi­
cally structure-bound chain of processes, cf. 
Arnon, et al.,7-s and Thomas, et al. , 9 a comparative 
study of photosynthetic phenomena in both types 
of chloroplasts might enable a better understanding 
of the relation between these processes and struc­
ture. If differences are observed, two possibilities

(1) H. Leyon, S v en sk  K e m . T id sk r ., 68, 70 (1956).
(2) J. B. Thomas, P r o g r . B io p h y s .  B io p h y s .  C h em ., 5, 109 (1955).
(3) D. Von Wettstein, E x p tl .  C e ll  R es ., 12, 427 (1957).
(4) P. F. Elbers, K. Minnaert and J. B. Thomas, A c ta  B ot. N ee r l .,  

6, 345 (1957).
(5) Th. Butterfasz, P ro to p la sm a , 48, 368 (1957).
(6) R. Chardard and C. Rouiller, R ev . C y to l . B io l .  V égéta les, 18, 

153 (1957).
(7) D. I. Arnon, M. B. .Alien and F. R. Whatley, B io ch im . B io p h y s .  

A cta , 20, 449 (1956).
(8) F. R. Whatley, M. B. Allen, L. L. Rosenberg, J. B. Capindale 

and D. I. Arnon, ib id ., 20, 462 (1956).
(9) J. B. Thomas, A. J. M . Haans, A. A. J. Van der Leun and J. 

Koning, ib id ., 25, 53 4(1957).

are to be envisioned. First, photosynthesis may 
proceed along different chemical pathways in both 
mentioned types, or, second, photosynthesis may 
proceed in the same way, but differences may be due 
to structural variations. The latter situation may 
occur if, e.g., difference of structure means dif­
ferent distances between reactants and enzymic 
centers. A study on temperature dependence may 
enable discriminating between both possibilities. 
However, in both cases a difference between 
the photosynthetic activities of granular and lam­
ellate chloroplasts may preferentially show up in 
the induction period.

Because of the time needed for a gas to diffuse 
from the interior of the cell into the medium in 
which it is measured, determinations of gas ex­
change always are considerably retarded. Ac­
cording to Wassink and Spruit,10-11 this retardation

Fig. 1.— Container of the object. For explanation see text

is about 20 seconds in experiments with Chlorella 
cells. Measurement of fluorescence, however, en­
ables instantaneous registration of fluctuations in 
the photosynthetic mechanism. For this reason, 
fluorescence induction phenomena were studied as 
an attempt to decide whether differences occur in 
the initial photosynthetic activities of lamellate 
and granular chloroplasts. The results of this 
study are reported below.

Material.— Seven species of each type of chloroplasts 
were studied. The selection of these species was based on 
the fact that clear-cut evidence concerning their structure 
was examined electron microscopically. The following 
species were used for granular chloroplasts: Agapanlhus

(10) E . C . W assink and C . J. P. Spruit, Com pt. rend. 8* Congr. Int. 
Bot. Paris (1954).

(11) C . J. P. Spruit and E. ( ’ . W assink. Biochim . B iophys. Acta, 15, 
357 (1954).
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umbellatus,12 Aspidistra elatior,13 Chlorophytum14 amaniense, 
Eucharis grandifoha15 (ultraviolet microscope), Iris german- 
icais (light microscope), Spinacia oleracea16 and Tulipa4 
spec., and, for lamellate chloroplasts: Chlorella17 vulgaris
Euglena18 19 spec., Fucus vesieulosus,1# Nilella20 spec., Nitzschia 
dissipata,* Spirogyra21 spec, and Synechococcus cedrorum.1 
Most probably, the latter species contains “ chromato- 
plasm”  instead of lamellate chloroplasts. Because of a 
relatively close resemblance in structure, this organism was 
included in the present study. The higher plants as well as 
Nilella were obtained from the Utrecht Botanic gardens. 
The sea-weed Fucus was kindly furnished by the Biological 
Marine Station az Den Helder. Spirogyra was collected 
at its habitat, while the remaining organisms were taken 
from cultures grown in this institute.

Methods.—The objects to be studied were mounted in a 
container as showr. in Fig. 1. In a glass cuvette C, as used 
for absorption measurements, a small brass thermostat Th 
was mounted. Temperature-controlled water was flown 
through the inlet and outlet tubes I and O. Black velvet 
paper P was fixed to the front side of the thermostat by 
means of adhesive tape. The temperature-sensitive end 
of a thermistor T was adjusted near to the object to be

(12) G . G rave, P ro to p la sm a , 4 4 , 273 (1955).
(13) H. Leyon, E x p tl .  C e ll  R es . ,  7 , 205 (1954).
(14) S. Strugger, B e r . ,  69, 177  (1956).
(15) A . Frey-W yssiing, F . R uch  and X .  Berger, P ro to p la sm a ,  4 5 , 

97 (1955).
(16) H. Leyon, S v en sk  K e m . T id sk r ., 6 8 , 70 (1956).
(17) P . A . A lbertssan and H. Leyon, E xptl. Cell R es., 7 , 288 (1954).
(18) J. J. W olken and G . E . Palade, N a tu re , 170, 114  (1952).
(19) H . Leyon and D . V on W ettstein, Z. N a tu r fo r s ch .,  9B, 471 

(1954).
(20) F . V . M ercer, A . J. Hodge, A . B . H ope and J. D . M cLean, 

A u s tr a lia n  J . B io l .  Sci., 8, 1 (1955).
(21) E , Steinm ann E x p tl .  C e ll R e s .t 3 , 3G7 (1952).

phenomena at 19° in the objects studied.

studied. The temperature was read from a mirror galva­
nometer. The gas mixture was introduced via the gas inlet 
G, while a perforation H of the adhesive tape S, covering 
the top of the cuvette, served as a gas outlet. During the 
experiment a slow gas flow was maintained. Additional 
perforations of the adhesive tape cover enabled introduction 
of the mentioned tubings. The bottom of the cuvette was 
covered with a thin layer of water W.

The object was mounted on the black velvet paper. 
Pieces of leaves or thalli were fixed by means of adhesive 
tape strips. Care was taken that these strips did not cover 
the irradiated region. Unicellular algae and isolated chloro­
plasts were collected from liquid cultures by centrifugation. 
The sedimentai paste was brought onto the velvet paper 
with a slice. The diatoms were taken from agar cultures. 
A thin slice of agar, covered with these algae, was adjusted 
on the velvet paper by gentle pressing.

The gas mixture consisted of air with 3%  carbon dioxide 
saturated with water.

After adjustment, the specimen was allowed to equilibrate 
in the dark for at least 15 minutes. Then, light was ad­
mitted and the amplifier was properly adjusted with regard 
to the fluorescence intensity. Next, the light was turned 
off again and the object was kept in the dark for 10 minutes. 
Each light period during the experiments was preceded by 
a 10 minutes dark period as well.

Each experiment was done in triplicate at two tempera­
tures and three light intensities.

Except for the following details, the apparatus used for 
fluorescence measurements equalled the earher described22 
one. The incident light beam passed a GAB calflex 87 
filter and a 1 cm. 6%  CuSO, solution, while a Schott RG5 2 
mm. glass filter was placed in the fluorescence light beam. 
The signal was fed into a quick, 0.5 second, Honeywell- 
Brown recorder.

(22) J. B . Thomas, J. C. Goedheer and J. G. Komen, Biochim.
Biophys. Acta, 22, 342 (1956).
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T a b l e  I
F lu o r e sc e n c e  I n d u c tio n  P h e n o m e n a  in  G r a n u l a r  an d  L a m e l l a t e  C h lo r o pl a st s

Intensity 
of actinic 

light,
ergs cm.-2 
sec.-1 X 

105

Interval between start of 
illumination and Time of 

reaching 
steady- 

state
conditions, 

sec. (f)

Steady 
state 

level in
. % .°f initial 
level

Type of 
chloro­
plasts

Temp.,
°C.

1st
max.
(a)

sec.

1st 2nd 
min. max. 
(b) (c) 
sec. sec.

3rd
max.
(e)

sec.

Duration 
of L.A.S., 

sec.
(d)

Granular 18.5 0 .13 4 .7  ±  0 .7 17 ±  2 46 ±  5 [270] 119 ±  27 244 ±  29 101 ±  6
(100% ) (81% ) (95% ) (5% ) (91% ) (100% ) (100% )

1.32 4 .1  ±  1 .2 11 ±  2 36 ±  12 [266] 233 ±  23 318 ±  12 63 ±  9
(100% ) (76% ) (86% ) (19% ) (95% ) (100% ) (100% )

4 .9 5 6 3 .8  ±  0 .9 [8] 51 ±  28 [220] 261 ±  32 363 ±  48 62 ±  10
(100% ) (57% ) (86% ) (5% ) (100% ) (100% ) (100% )

25 .5 0 .13 4 .5  ±  1 .3 19 ±  7 32 ±  7 152 ±  27 66 ± 9 178 ±  20 101 ±  6
(100% ) (57% ) (62% ) (38% ) (95% ) (100% ) (100% )

1.32 4 .7  ±  0 .8 10 ±  2 22 ±  5 171 ±  21 98 ±  15 260 ±  27 62 ±  6
(100% ) (81% ) (81% ) (57% ) (100% ) (100% ) (100% )

4.95* 3 .3  ± 0 . 9 [6] 26 ±  14 145 ±  13 116 ±  20 284 ±  21 53 ±  9
(100% ) (48% ) (67% ) (43% ) (100% ) (100% ) (100% )

Lamellate 18.5 0 .13« 2.6 ±  0 8 [7] [16] [80] 58 ±  15 127 ±  30 107 ±  4
(100% ) (24% ) (24% ) (5% ) (71% ) (100% ) (100% )

1.32 2.0 ± 0 . 8 5 ±  2 19 ±  4 [92] 86 ±  24 228 ±  26 78 ± 9
(100% ) (52% ) (67% ) (19% ) (100% ) (100% ) (100% )

4.95* 1 .3  ±  0 .6 5 ±  1 14 ± 3 [75] 112 ±  28 229 ±  20 72 ±  11
(100% ) (52% ) (71% ) (10% ) (100% ) (100% ) (100% )

2 5 .5 0.13« 2 .9  ±  0 .5 [8] [16] [50] 45 ±  10 108 ±  28 118 ± 9
(100% ) (14% ) (19% ) (10% ) (43% ) (100% ) (100% )

1.32 1 .4  ±  0 .6 [3] 6 ±  2 [96] 73 ±  16 184 ±  18 78 ±  10
(100% ) (33% ) (52% ) (29% ) (100% ) (100% ) (100% )

4 .956 0 .5  ±  0 .3 4 ±  1 5 ±  1 [90] 85 ±  17 188 ±  26 69 ±  10
(100%) (48% ) (62% ) (14% ) (95% ) (100% ) (100% )

“ In some experiments, 0.20. 6 In some experiments, 4.49.

Results
Figure 2 shows examples of fluorescence induc­

tion phenomena at 19° and a light intensity of
1.32 X 10s ergs cm.-2 sec.-1 in the studied granular 
and lamellate chloroplasts, respectively. It is 
obvious that the initial fluorescence changes differ 
for different species. Though to a minor degree, 
this is also true of various samples of a single species. 
The ordinate scales are arbitrary and differ for dif­
ferent experiments. The recordings were chosen 
as the most characteristic ones for each kind of 
chloroplasts. The time needed for reaching steady- 
state conditions was measured. Moreover the 
fluorescence time course was determined by meas­
uring the time at which maxima and minima oc­
curred. This procedure was based on the assump­
tion that Van der Veen’s23 analysis of the fluores­
cence induction period represents the most com­
plete picture of the phenomena in question. 
Working with leaves of higher plants this author 
distinguished in succession: a first maximum (a), 
a first minimum (b), a second maximum (c), 
an “ adaptation slope”  (d) and steady-state 
fluorescence (f), while in some cases “ secondary 
peaks”  (e) were observed. Except for the latter 
peaks, such a “ complete”  induction period is shown 
in Fig. 2 with Iris germanica.

It is evident from Fig. 2 that, in many cases, the 
induction period was but “ incomplete.”  Some­
times it proved difficult to decide which part was 
absent. However, comparison with experiments

(23) R . Van der Veen, Physiologia Plantarum, 4, 486 (1951).

from the same series enabled a reasonable con­
clusion.

The time lapse between start of illumination and 
occurrence of the mentioned maxima a, c and e, 
the minimum b and the moment at which steady- 
state conditions were established, f, as well as 
the duration of the “ light adaptation slope (L.
A.S.),”  d, were measured. The results are sum­
marized in Table I. The values were obtained by 
computing the mean one for a set of three experi­
ments with each object. Thus, seven figures re­
sulted. The means of these figures, with mean error, 
are shown in the table. For cases in which a maxi­
mum or minimum occurred only a few times or if 
their occurrence was restricted to a few species no 
mean errors were computed while the mean values 
were placed in brackets. The percentages given 
indicate the frequency of occurrence of the phenom­
enon in question. All of these figures are in paren­
theses.

From the latter figures it can be seen that quite 
a number of fluorescence time courses are “ in­
complete.”  The features which all induction pe­
riods have in common are: a first maximum which 
may be of very short duration, and the attainment 
of steady-state conditions. Though both features 
suggest the same conclusion, because of the lower 
per cent, error, the values regarding the latter 
phenomenon are the most convincing ones for 
showing that, in general, steady-state conditions 
are attained earlier in plants with lamellate chloro­
plasts than in plants containing granular ones.
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Fig. 3.— Comparison of fluorescence induction phenomena 
at 19° in a leaf piece of the tulip (T), a piece of F u cu s  
thallus (F), and Chlorella paste (C) at light intensities of 
0.13 X 10* (1), 1.32 X  105 (2), and 4.95 X 106 (3) ergs cm .-2 
sec.-1.

This holds for the lowest light intensity used, at 
which no photosynthesis saturation occurs, as well 
as for both higher intensities at which this process 
is saturated.

If the light intensity is increased until photo­
synthesis saturation is reached, the establishment 
of steady-state conditions is retarded. It is evident 
from column f that increasing the light intensity 
still further has little or no effect. The time at 
which steady-state conditions are attained seems 
to be mainly determined by the duration of the 
light adaptation slope (d).

Raising the temperature, however, causes earlier 
attainment of steady-state conditions. The tem­
perature dependency of this phenomenon at three 
iight intensities is shown in Table II. Assuming 
that this dependency is a linear one in the range 
under consideration, the given ratios: /  at (n +  
1 0 )° // at n° ( /  defined in Table I), Qrio, were com­
puted from the observed ones: f at 16°/f at 19°
m .

Because of the low Qw values, Table II suggests 
that the moment at which steady-state conditions 
are established is mainly determined by processes 
which are but slightly temperature-dependent.

T a b l e  II
T e m p e r a t u r e  D e p e n d e n c y  o p  t h e  A t t a in m e n t  of 
St e a d y -S t a t e  C o n d itio n s  ( Q w 1) a t  D if f e r e n t  L ig h t  

I n te n sitie s
Intensity of
actinic light, Qiof in plants with chloroplasts

ergs cm. 2 sec. 1 ------------------of type-----------------
X 105 Granular Lamellate
0.13a 1.5 1.3
1.32 1.3 1.3
4.956 1.4 1.3

“■6 Cf. Table I.

They are independent of light intensity. The 
Qiof values are in the range of the Qw for diffusion 
phenomena.

The following, additional, conclusions can be 
drawn from Table I.

At the lowest intensity of the actinic light, the 
fluorescence intensity at steady-state conditions 
about equals that at the start of irradiation. At 
actinic light intensities higher than the photosyn­
thesis saturating one, the intensity of steady-state 
fluorescence is 20-40% lower than that of the pri­
mary light emission. In accordance with Van der 
Veen’s23 observations the intensity of steady-state 
fluorescence is not markedly influenced by changing 
the temperature. At both lower light intensities 
the first minimum (b) occurs more frequently in 
plants with granular chloroplasts than in plants 
with lamellate ones. At the highest intensity 
used, this difference is absent. In general, the 
same can be said of the second maximum (c).

The third maximum (e) occurs less often. It is 
mainly encountered in plants with granular 
chloroplasts at the highest temperature used.

Discussion
It has been mentioned by many authors, c/.11-23 

that the pretreatment and the condition of the 
object largely influences fluorescence induction 
phenomena. Since, presently, both origin and 
medium conditions of the studied species are 
mutually different, it was impossible to establish 
a comparable pretreatment of the objects in ques­
tion. As mentioned earlier, care was taken to 
keep constant only the conditions during the pre­
ceding dark periods. But, if there is some fun­
damental correlation between chloroplast structure 
and fluorescence induction phenomena, this cor­
relation can be envisioned to show up nevertheless.

However, both sets of studied plans did not 
differ only in chloroplast structure; one of them 
consisted of land plants while the other one was 
constituted by aquatic plants. This coincidence 
is due to the fact that the choice of objects was 
limited by the condition that the structure of the 
chloroplasts to be studied should be satisfactorily 
known. Because of other diffusion conditions, 
cf. Rabinowitch,24 prevailing in land plants rather 
than in aquatic ones, e.g., by the presence of stomata 
and relatively long intercellular gas spaces in the 
former plants, establishment of equilibrium condi­
tions of oxygen and carbon dioxide at the cell 
boundary might require a longer time to run to 
completion. Now it has been stated by others,

(24) E. I. Rabinowitch, “ Photosynthesis and Related Processes," 
Vol. II, part 2 Interscience Publ., New York, N. Y., 1956.
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Fig. 4.— Schematic representation of possible distributions of “ reaction centers’ ’ in granular and lamellate chloroplasts.
For explanation see text.

c f ,11'23 that changes in concentration of these gas 
components affect fluorescence. Consequently, the 
period required to attain steady-state conditions 
might also he longer in the studied plants with 
granular chloroplasts than in those with lamellate 
ones because of the fact that these plants belong to 
the land type and the aquatic type, respectively. 
Ivautsky and Hirsch26 stated that in many “ lower”  
plants such as algae, ferns and higher aquatic 
plants the duration of light adaptation, d from the 
present Table I, is shorter than that commonly 
occurring in land plants. Unfortunately, no de­
tails concerning the chloroplasts of these “ lower” 
plants are known. In any case, however, these 
experiments demonstrate that the presence (ferns 
and floating aquatic plants) or absence (sub­
mersed aquatic plants) of stomata is not ap­
preciably correlated with the length of the fluores­
cence induction period. Nor does it seem that the 
packing of cells is of major importance in this re­
spect. The present experiments suggest the same 
conclusion for the following reason. Fucus vesicu-  
losus is a plant with both lamellate chloroplasts 
and a complicated thallus with a relatively thick 
cuticle. If the time needed for diffusion of the 
gases in question between the surface of the thallus 
and the chloroplast-containing cells would act as 
a factor influencing induction phenomena, the 
duration of the fluorescence induction period in 
Fucus may equal that of land plants rather than 
that of aquatic ones. Figure 3 shows the fluores­
cence time course in a tulip leaf piece, Chlorella 
“ paste,”  and a piece of Fucus thallus. The dura­
tion of the Fucus induction period agrees better 
with that of Chlorella than with that of the tulip. 
Thus, it may be concluded that diffusion c.ondi-

(25) H. K a u tsk y  and A. Hirsch, Biochem . Z ., 2 7 4 , 423 (1934).

tions outside of the cell did not affect the studied 
phenomena to an appreciable extent.

Assuming the correctness of this conclusion and 
considering that the conditions inside the cells are 
not likely to differ considerably in both groups of 
plants, it seems probable that the observed dif­
ferences in time required for the attainment of 
steady-state fluorescence are to be associated 
with the structural differences between granular 
and lamellate chloroplasts.

Such a phenomenon suggests the following dis­
cussion. Most likely,28 the distribution of chloro­
phyll molecules over the pigment carrying lamellae 
is about the same for granular and lamellate chloro­
plasts. Since even small lamellar fragments, freed 
from stroma substance, are capable of performing 
the Hill reaction, c/.,27 the pigment molecules 
necessarily are associated with enzymic centers 
situated in the lamellae. Because of the fact that, 
moreover, about the same quantum yield of the 
Hill reaction in suspensions of both types of 
chloroplasts, c/.,28 is found, it can be concluded 
that, most probably, the “ spacing” of the enzymic 
centers in which the first photoproducts are formed 
is the same for the pigment carrying lamellae from 
both granular and lamellate chloroplasts. For 
this reason, it seems less likely that the observed 
differences are due to differences in such combi­
nations of pigment molecules and enzymes involved 
in the very first dark reaction. The photoproducts 
are to be stabilized and introduced into the chain 
of dark processes. To this purpose they should 
react with certain substances. Thus, the photo-

(26) J. B. Thom as, K . M innaert and P. F . Fibers, Acta B ot. N eerl., 
5 , 315 (1956).

(27) J. B. Thom as. O. H. Blaauw and L. N. M. Duvsens, ibid., 1 0 , 
230 (1953).

(28) R ef. 24. 1951, Vol. I f. part 1.
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products are to be transported from their site of 
origin to the cofactors and enzymes involved, and 
in this way some time will be needed for the estab­
lishment of a concentration equilibrium at the 
beginning of a light period. The same holds for 
intermediary products. In general, the ultimate 
concentration of each product is a function of the 
velocities of reaction and back reaction and the 
mentioned transportation time. If such a product 
either functions as an acceptor for the excitation 
energy of the chlorophyll or influences the concen­
tration of some other acceptor for this energy, the 
fluorescence intensity changes with variations of 
the product concentration. Because of the ob­
served temperature dependence the present study 
indicates that the duration of the fluorescence in­
duction period is mainly determined by this trans­
portation (diffusion) time rather than by reaction 
velocities. This implies the suggestion that the 
observed differences between the induction periods 
of granular and lamellate chloroplasts are to be 
ascribed to differences of distances between the 
enzymic centers at which the first products are 
formed and enzymes and cofactors involved in 
subsequent dark reactions.

Since a grana suspension is no longer capable of 
photosynthesis, it is unlikely that all photosyn­
thetic enzymes and cofactors are located in the 
lamellae. In a preceding paper9 it has been argued 
that intactness of stroma is a prerequisite for the 
complete functioning of the photosynthetic ap­
paratus. The earlier experiments did not allow a 
conclusion with regard to the question whether 
photosynthetic enzymes and cofactors are either 
located in the stroma or fixed to the surface 
of the pigmented lamellae. In the latter case the 
stroma might merely act as a protective colloid. 
The present experiments, however, suggest the 
following conclusion concerning this matter.

The possibilities to be envisioned are shown in 
Fig. 4. The enzymes and cofactors, briefly called 
“reaction centers,” other than the Hill reaction 
enzymes are represented by black spots. The 
dotted area indicates stroma while the lamellae 
are shown by thick lines as far as they are considered 
to be pigmented and by thin ones in pigment-free 
regions. In the first case, the reaction centers are 
supposed to be located at the surface of grana and 
lamellar strands. Since, as a rule, grana are built 
up of more layers than the lamellar strands of 
lamellate chloroplasts the distance between cen­

trally located enzymic centers and the “reaction 
centers” in question in grana will surpass that in 
“strands” and thus account for a longer induction 
period. If this were true, the length of the in­
duction period will also depend on the number of 
lamellae in a granum. However, as it is shown in 
Table III, such a correlation does not occur. Con­
sequently, the first possibility seems less probable.

T a b l e  III

L a c k  o p  R e l a t io n  b e t w e e n  N u m b e r  o p  L a m e l la e  
C o n st it u t in g  a  G r a n u m  an d  L e n g th  of t h e  F lu o res ­

ce n c e  I nduction  P er io d
Length of induction period 

at 19° in sec. at light 
intensities in ergs

Mean no. cm .-a sec. ~1 of

Species
of lamellae
per granum

0.13 
X 10s

1.32 
X 10s

4.95 
X 10s

T ulipa  spec. 6 138 300 307
S pinacia oleracea 9 270“ 370 237
H ibiscus rosa 15 2 0 0 333 367

sinensis
A spidistra  elatior 26 2 2 0 303 287
“ Mean of two experiments. Other values, means of 

three experiments.

The second possibility regards the case in which 
the “reaction centers” are located at the ends of the 
pigmented lamellae. Since, in this case, the dif­
fusion path from the middle region in the strands 
to their ends considerably would surpass that in 
grana, the induction period would last longer in 
lamellate chloroplast than in granular ones. How­
ever, as the reverse is observed, this possibility can 
be ruled out.

The third possibility represents the situation in 
which the “reaction centers” are located in the 
stroma. As granular chloroplasts contain more 
stroma substance in relation to the amount of 
pigment carrying lamellae than lamellate chloro­
plasts do, “reaction centers” may occur at larger 
distances from grana in the former chloroplasts 
than from lamellar strands in the latter ones. It is 
evident from the figure that, in this case, the thick­
ness of the grana is of minor importance. Thus, 
this scheme enables an explanation of the ob­
served differences in length of the fluorescence in­
duction periods of granular and lamellate chloro­
plasts in terms of diffusion phenomena.

Consequently, the present experiments suggest 
that, probably, part of the photosynthetic enzymes 
and cofactors is located in the stroma substance.
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PHOTOCHEMICAL PROCESSES IX THIN SINGLE CRYSTALS OF SILVER 
BROMIDE: THE DISTRIBUTION AND BEHAVIOR OF LATENT-IMAGE
AND OF PHOTOLYTIC SILVER IN PURE CRYSTALS AND IN CRYSTALS

CONTAINING FOREIGN CATIONS
B y  W . W e st  a n d  V . I. S a u n d e r s

Communication No. 1943 from the Kodak Research Laboratories, Eastman Kodak Co., Rochester, A . Y.
R eceiv ed  J u l y  1 1 ,  1 9 5 8

The distribution-in-depth of latent-image centers and of visible print-out centers has been investigated in purified thin 
crystals of silver bromide made from the melt and in crystals containing small additions of cadmium ion, lead ion and cuprous 
ion. W ith respect to latent-image centers, three sensitometrically distinct regions are found in pure crystals— the non­
sensitive surface, a subsurface region of low sensitivity, and the deeper interior, of relatively high sensitivity. Internal 
latent-image is found at depths much greater than those to which light can penetrate with appreciable intensity. Latent 
image is formed throughout the whole thickness of pure crystals exposed to penetrating light, except for the subsurface 
layers of low sensitivity, but no print-out silver is formed in the central regions. The distribution of print-out silver in pure 
crystals appears to be governed by the ease of diffusion of positive holes to the surface from regions at different depths 
within the crystal. This distribution can be modified by the introduction of traps for positive holes. The silver-ion vacan­
cies introduced by divalent cadmium or lead ions do not act as deep traps for positive holes; on the contrary, by inhibiting 
diffusion, they increase the attack of positive holes on photolytie centers over that in pure crystals. The image formed in 
crystals containing cadmium or lead ions contains a non-silver “ complementary photolytie image,”  consisting of oriented 
pits at the surface, apparently formed by the escape of bromine at localized sites. Cuprous ion acts as a deep trap for posi­
tive holes by electron exchange, increasing the yield of print-out silver on exposure to visible light by  about an order of mag­
nitude over that for pure crystals, without any increase in the bromine evolution. Penetrating light causes the appear­
ance of print-out centers throughout the whole illuminated volume of cuprous-containing crystals. A t elevated tempera­
tures, the trapping of positive holes by cuprous ions is reversible, and the processes of image formation at room temperature, 
followed by thermal fading a t higher temperature, can be repeated at will.

Single crystals of silver halide, some 10 to 100 n 
thick and a few millimeters in the other linear 
dimensions, cut from sheets prepared from the 
melt, constitute a photographic system in a sense 
intermediate between massive crystals prepared by 
the Bridgman or Ivyropoulos techniques and the 
grains of a normal photographic emulsion, and 
Mitchell and co-workers1-5 have amply shown the 
utility of such crystals in performing model ex­
periments on fundamental questions of photo­
graphic sensitivity. The crystals are large enough 
to be handled easily, they can be subjected to con­
trolled treatments before and after exposure, and 
images can be developed by the normal processes 
of photographic development; hence they form 
to some degree a readily manipulable model for 
the emulsion grain. Nevertheless, apart from their 
large linear dimensions and particularly their rela­
tively great thickness, which permits exploration of 
the photographic behavior of silver halide crystals 
at much greater depths from the surface than are 
available in normal emulsions, the mode of forma­
tion of these crystals is very different from that of 
emulsion grains. The large crystals have their own 
characteristic photographic and photochemical 
behavior, conditioned partly by the intrinsic prop­
erties of silver bromide, partly by the dimensions of 
the crystals and partly by the nature of the im­
purities and crystal defects, which probably are 
determined to a large degree by the specific mode 
of formation of the crystal. Not all aspects of the 
photographic behavior of the large crystals can be 
expected to apply to emulsion grains, and judgment

(1) J. W. Mitchell, J .  P h o t .  S e t . ,  [2] 1, 110 (1953).
(2) J. M. Hedges and J. W. Mitchell, P h i l .  M a g ., [7] 44, 357

(1953).
(3) T. Evans, J. M. Hedges and J. W. Mitchell, J .  P h o t .  S c i . ,  [2] 3, 

73 (1955).
(4) P. V. M cD. Clark and J. W. Mitchell, ibid., (2] 4, 1 (195G).
(5) J. W. Mitchell, ibid., [2] 5, 49 (1957).

must be exercised as to the validity of the large 
crystal model for the study of any given photo­
graphic phenomenon. The present communication 
is concerned with aspects of the photochemical 
behavior of the large crystals in themselves, in the 
endeavor to secure background for the further 
application of the system to problems of photo­
graphic sensitivity.

I. Preparation of the Crystals and General Procedure.—
Pure crystals have been studied as w-ell as crystals containing 
small amounts of divalent cations and cuprous ions. The 
starting material was the purest available silver bromide 
precipitate made from silver nitrate and hydrobromic acid, 
for which we are indebted to F . Urbach and co-workers, of 
these Laboratories . 1 2 3 4 5 6  The crystalline sheets were prepared 
following the procedures of Mitchell and co-workers . 2 ’ 4  

The essential steps in this preparation are; the removal of 
a small quantity of solid siliceous material from the bromide 
precipitate by filtering the melt through Pyrex-glass capil­
lary tubes; a further purification by melting the bromide 
under vacuum, which removes some volatile materials; the 
formation of a film of silver halide by melting a  pellet of the 
purified halide between Vycor plates; solidification by 
slowly drawing the plates through a horizontal temperature 
gradient; and separation of the crystalline film from the 
plates by immersion in water. The resulting crystalline 
sheets, about 2 inches in diameter and usually between 50 
and 100 y. thick (determined by Pyrex glass or platinum 
spacers), consisted of a  few single crystals, from which 
small pieces of single crystal could be cut. W ith the ob­
ject of minimizing silver or silver oxide production in the 
making of the sheets, a halogen atmosphere was maintained 
during all heating operations except when it was desired to 
incorporate cuprous ion. Ir. this latter case, the sheets were 
prepared under an atmosphere of nitrogen. Usually, the 
crystals were not annealed after separation from the plates.

Bromide films were examined at the wave lengths 365, 
405 and 436 m¿t, isolated from the radiation of an AH-4 mer­
cury lamp by filters. (For 365 m/j, Corning Filter No. 
3860 +  aqueous copper sulfate 0.75 M , 3.2 cm. thick; 
for 405 mu, Coming Filters No. 3060 +  5970 +  aqueous 
copper sulfate as before; for 436 mju, one thickness of 
Kodak W ratten Kilter No. 2A +  two thicknesses of Kodak 
Wratten Filter No. 47 +  acueous copper sulfate as before.)

(6 ) N. R. Nail, F . Moser, P. E . Goddard and F. Urbach, R e v . S c i .  

I n s t r . , 28, 275 (1957).
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Light of wave lengths 365 and 405 m y  is completely absorbed 
within a few microns of the surface of incidence, while 90% 
absorption of ligh~ of wave length 436 mg takes place in 
penetrating about 50 g. In addition, experiments were per­
formed using exposures to light which penetrated the crystal 
with only about 1:0 %  absorption by a  layer 1 0 0  g thick. 
A tungsten source, filtered by means of a Kodak Wratten 
Filter No. 4, sometimes combined with the copper sulfate 
filter and sometimes without this filter, as described later, 
was used for this purpose. The effective wave lengths in 
these exposures to penetrating light comprised a band be­
tween 470 and 480 mg.

Crystals carefully prepared by these procedures show 
little or no surface sensitivity; no reduced silver image ap­
pears on the surface after exposure and development . 2 ' 3  

Latent image is produced in the interior, however, which 
can be developed after the application of suitable etching 
procedures . 2 ’ 3 The observations to be described in this 
communication are concerned with the formation of this 
internal latent-image and of the visible print-out or photo- 
lytic image formed by long exposures. As was first shown 
by Hedges, Evans and Mitchell, latent-image centers and 
photolytic centers are produced mostly at sites in the dis­
location networks which constitute the polyhedral substruc­
ture of the crystal . 2 - 3 ' 7

A  method of “ graded etching”  which reveals the distribu­
tion of internal lament-image throughout the depth of the 
exposed crystal has been described . 8 After exposure, the 
crystal, with one side protected by mounting on glass, is 
gradually immersed in an etching bath of 4.2 M  potassium 
bromide solution containing 0 . 1  M  potassium ferricyanide, 
so that, at the end of the operation, the crystal is wedge- 
shaped. The etched surface then cuts through the original 
distribution of latent image and, on development, the dis­
tribution in depth of the centers is revealed. The function 
of the ferricyanide is to oxidize the latent-image centers as 
soon as they are uncovered by the etchant. Without the 
oxidizing agent, these centers accumulate because of a tend­
ency to adhere to the newly formed etched surface, and, on 
development, the distribution of developed centers does not 
match that of the original latent-image centers. When the 
etch bath contains ferricyanide, the surface formed is com­
pletely free from latent image, but an additional shallow- 
etch of a  fraction of a  micron by means of potassium bromide 
solution alone forms a new surface containing latent-image 
centers in the amounts corresponding to the true distribu­
tion in depth.

The general procedure was to expose through a narrow- 
slit a piece of single crystal mounted on glass, carry out a 
graded etch as jusc described, apply a thin layer of gelatin 
by momentary immersion of the crystal in 2 %  aqueous gela­
tin, followed by draining and drying, then to develop by 
immersing about 30 seconds in a p-methylaminophenol- 
ascorbic acid developer . 9 A slit-like image appeared along 
the inclined surface formed by the etching operation, the 
distribution of density along the length of which reflected 
the distribution in depth of latent-image centers from the 
original surface of incidence. The depths were determined 
by microscopic observations of the thicknesses of the original 
and etched crystal. The distribution in depth of photolytic 
silver was determined by direct microscopic observation of 
the discrete particles of silver in the unetched crystal. In 
the subsequent discussion, the term “ latent-image sensi­
tiv ity ”  will be used to denote the sensitivity associated with 
the production of developable silver from microscopically 
invisible latent-image centers, while “ photolytic sensitivity”  
will denote the sensitivity associated with the production of 
directly visible deposits of silver.

It is not the object of this communication to discuss, other 
than incidentally, the details of the formation of latent- 
image centers or of photolytic centers. Surveys of these 
topics have been made recently by Mitchell, and mechanisms 
have been proposed . 5 ' 1 0 ’ 1 1

In the following discussions, it is assumed that the ab­

(7) J. M. Hedges and .T. W. Mitchell, Phil. May.. (7 1 44, 223 
U953).

(8) W. West anti V. I. Saunders, "P roc. Internat. Congress for 
Scientific Phot.," Cologne, 1950, in press.

(9) T . H. James, W. Vanselow and R. F. Quirk, PSA J. f Phot. Sci. 
and Tech.), 19B, 170 11953).

(10) J. IV. Mitchell. P h o t. K o r r .. 93, I. Sonderheft (1957).
(11) J. W. Mitchell and N. F. M ott, P h i l .  Mali., (8| 2, 1140 (1957).

sorption of light by silver halide crystals causes the appear­
ance of electrons in the conduction band and of positive 
holes in the valence band. In chemically pure and highly 
perfect crystals, most of the electrons and positive holes re­
combine, and photographic sensitivity depends on the pre­
vention of this process. This may be accomplished by the 
introduction of suitable traps which will capture the elec­
trons and positive holes separately, and, according to 
Mitchell , 6 ’ 1 1  it  is of special importance that the trapped elec­
tron be at a  site which will repel a positive hole. The holes 
m ay eventually escape as free halogen, or they may be 
deeply trapped chemically. The trapped electrons combine 
with silver ions, forming silver atoms and aggregates of 
silver atoms. The latent image is assumed to be a stable 
aggregate containing a small number of silver atoms, which, 
on the addition of developer, catalyzes the reduction of the 
silver halide so as to yield a visible image of reduced silver. 
Prolonged exposure results in the formation of deposits of 
colloidal silver which are visible without development, the 
so-called “ print-out”  or “ photolytic”  silver. Latent-image 
centers and photolytic centers are formed at the same type 
of site in sheet crystals, namely, at dislocations , 3 and it 
seems probable that under certain circumstances the latent- 
image center may, on prolonged exposure, grow into a par­
ticle of photolytic silver.

One of the results of the observations to be reported here 
is that the conditions for the gr owth of latent-image centers 
to photolytic centers are severely limited and much of the 
following discussion is concerned with the origin of the pe­
culiarities which are found in the distribution of latent image 
and of photolytic centers in pure and impure sheet crystals 
of silver bromide.

II. Surface, Subsurface and Internal Latent-image 
Sensitivity.lla— Three, distinct regions, exhibiting characteris­
tic latent-image sensitivity, can be recognized in the sheet 
crystals: the insensitive surface layer already alluded to, a 
subsurface region extending a few tenths of a micron from 
the surface and the deep interior. Latent image is found 
at depths slightly below the surface and extending to depths 
within the crystal considerably below those to which light 
can penetrate . 4 ' 8 ’ 1 2  For example, radiation of wave length 
365 m/x is attenuated to 1%  of the incident, value after pene­
trating about 8  m into the crystal, but latent image can be 
found at depths up to 50 y  from the surface in unannealed 
crystals and to 90 y  in lightly annealed crystals. The imme­
diate subsurface region differs sharply in sensitometric be­
havior from regions deeper in the interior of the crystal: 
(a) the general sensitivity in the subsurface layer is lower 
than in the deeper layers; (b) the subsurface layer shows a 
greater reciprocity failure at low intensities than the interior; 
and (c) the image produced in the subsurface region by il­
lumination through a narrow slit shows no broadening out­
side the geometrical image of the slit, while in the interior, 
the image spreads laterally in a manner suggesting that it is 
formed in this region by the diffusion of electrons from the 
light-absorption zone near the surface. When the surface 
is chemically sensitized, e .g ., by means of sodium aurothio- 
sulfate with ammonium chloroiridite , 1 ’ 3  the developed 
image in the surface does not spread beyond the illuminated 
area . 1 , 3

The differences in the sensitivity and in the reciprocity 
behavior of the subsurface and of the deeper regions within 
the crystal are illustrated by the data in Table I. A sheet 
crystal was exposed to 436 m/x radiation through a slit 100 y  
wide so as to receive the same energy (intensity X exposure 
time) at three different intensity levels. After graded etching 
and development, the densities of the images were measured 
at various levels from the original surface by means of a  re­
cording microdensitometer, which scanned the slit-like image 
from side to side. As already mentioned, the internal image 
occupies a width greater than the geometrical image of the 
slit; hence as a measure of the total photographic effects 
at various levels, the densities were integrated over the 
width of the image. These quantities are listed in the table 
as relative integrated densities. D ata are reported for ex­
posures in air and under a layer of 50%  aqueous sodium ni-

(lla ) Examination of surface and of subsurface regions formed by 
etching well into the interior of the original crystal shows that the 
properties described in the following section pertain to surface and 
subsurface regions p er sc, and are not restricted to the original sur­
face prepared in contact with the hot Vycor plates.

(12) W. West and V. 1. »Saunders, i'fn/s. H er., [21 98, 1557 (1955).
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trite solution, 40 n thick, in contact with the surface of in­
cidence.

T a b l e  I

I n te g r a t e d  D e n sit ie s  o f  D e v e l o p e d  S u b su r f a c e  and  
D e e p e r  I n te r n a l  L a t e n t - I m ag es  in  P u re  S il v e r  

B r o m ide
Intensity, quanta cm. 2 sec. ~l 1.6 X 

101»
1.6 X 

101«
1.6 X1015

Time, sec. 10 1 0.1
Exposure

in
Position 
of image Relative integrated densities

Air Subsurface 0 3 15
Air 6 n below 20 20 20
Air 10 n below 23 24

00

Air 15 ¡j. below 22 26 12
Air 30 u below 10 1 0
Nitrite Subsurface 10 17 36
Nitrite 6 ix below 22 20 19
Nitrite 10 u below 22 20 11
Nitrite 15 n below 20 16 0
Nitrite 30 u below 7 0 0

The images produced in the subsurface region at low in­
tensity are much feebler than the images produced by the 
same exposures some distance within the crystal and also 
than the subsurface images produced by the same exposure 
(intensity X time) at the higher intensities; i.e., the sub­
surface image shows a marked reciprocity failure at low in­
tensities, greater than that, of the internal image. The 
deeper internal images, in fact, show distinct high-intensity 
reciprocity failure.

The distinction between the subsurface layer and the in­
terior of the crystal is especially marked for exposures to 
weakly absorbed penetrating radiation of wave length 470- 
480 mju. The incident intensity of this radiation was com­
parable to that of the blue and ultraviolet mercury lines 
used for exposures at shorter wave lengths, but the low ab­
sorption coefficient of the light at the longer vcave lengths 
causes the volume concentration of the absorbed quanta to 
be only about l/¡¿¡ of that of the radiation of wave length 365 
m/i. Under these conditions, very little subsurface image 
was formed by exposures which produced strong latent image 
in the interior. The relatively insensitive subsurface layer 
was found under both the surfaces of incidence and of exit of 
the light, showing that the behavior of this region is definitely 
associated with some condition prevailing near the surface. 
Surface states are well known in germanium, and it has been 
recognized that the surfaces of semi-conductors in general 
may be regions of intense trapping and recombination of 
charge carriers.

The sensitivity of the subsurface layer was found to be 
considerably increased wdien the sheet was exposed to light 
of wave length 4 3 6  rrifi through a thin layer of concentrated 
aqueous sodium nitrite solution (Table I). Since the best- 
known photographic action of nitrite is halogen acceptance, 
this observation suggests that the low sensitivity of the 
subsurface layer is connected with inefficiency of removal of 
photobromine from the surface in the normal mode of ex­
posure in an atmosphere of air. Various lines of evidence 
indicate that bromine may dissolve in silver bromide at room 
temperature as positive holes.8-13-15 If, as a result of expo­
sure, an adsorbed layer of bromine accumulates on the sur­
face of a silver bromide crystal, the concentration of positive 
holes in the subsurface region will be greater than when the 
bromine is immediately removed, and since positive holes 
at sufficiently high concentrations can attack trapped elec­
trons and silver atoms, the prevention of this attack by a 
layer of nitrite will increase the subsurface sensitivity. It 
is to be noted that exposure under nitrite induced no more 
than a trace of latent-image sensitivity at the extreme sur­
face, an effect paralleling the inefficiency of halogen acceptors 
such as semicarbazides or phenol observed by Sutherns and

(13) G. W. W. Stevens, “ Fundamental Mechanisms of Photo­
graphic Sensitivity,”  J. W. Mitchell (editor), Butterworths Sci. 
Publications Ltd., London, 1951, p. 227.

(14) G. W. Luckey and W. West, J. Chem. Phys., 24, 879 (1956).
(15) L. M. Shamov8kii, A. A. Dur.ina and M. L. Gosteva, J. Expt.

Theoret. Phys. USSR, 30, 640 (1956,.

Loening16 in sensitizing sols of silver bromide. The ineffi­
ciency of nitrite as a surface sensitizer, contrasted with its 
sensitizing effect on the subsurface region with which it has 
no immediate contact, is at first sight surprising, but is con­
sistent with the distinction which Mitchell has made be­
tween a surface sensitizer, functioning by capturing positive 
holes which approach the surface,5 and a halogen acceptor 
like nitrite ion wnich is unable to transfer an electron to a 
positive hole in silver bromide, although able to do so to 
free bromine in aqueous medium.

The deep internal latent-image has already been de­
scribed in some detail.8 In addition to its appearance at 
depths greater than those to which light can penetrate with 
significant intensity, important characteristics of this 
image are: (a) it persists without much decrease in maxi­
mum depth when the exposure is carried out at —50°, 
followed by etching and development at room temperature; 
and (b) when formed at intermediate depths by prolonged 
exposure at —50°, followed by normal etching and develop­
ment, it is strongly solarized, while no solarization of the 
internal image in pure crystals is observed wdien exposures 
are made at room temperature. The existence of the deep 
internal latent-image can scarcely leave any doubt that 
electrons or silver atoms diffuse into the interior, possibly 
along dislocations, from the absorption layer near the sur­
face wherein the primary photoelectrons and positive holes 
are produced. If the bromination hypothesis of solariza­
tion is adopted,17 bromine also in some form must diffuse 
into the interior and attack latent image at low temperature.

It does not seem possible at present to say decisively 
whether the deep internal image in these crystals is produced 
by diffusion of electrons or of silver atoms from the absorp­
tion zone. The deep image might conceivably be formed by 
a redistribution ot latent image near the surface on absorp­
tion of radiation, but since it is found to be produced with 
no less efficiency by short exposures (0.01 sec.) than by 
longer exposures at the same intensity, this mechanism 
appears to be excluded. The relatively high rate at which 
the equilibrium distribution of the deep latent image is 
attained is consistent with its formation by diffusion of 
primary electrons. The operations of etching and develop­
ment impose a time interval of a few- minutes from the end 
of the exposure before the distribution can be ascertained, 
but it is certainly set up within that interval, since no in­
crease in the maximum depth of the internal latent-image 
is observed if the interval between exposure and develop­
ment is increased. It is true that surface films of silver de­
posited on silver bromide by evaporation in vacuum have 
been showm by Evans, Hedges and Mitchell3 to lose silver 
by migration along the surface and into the interior, prob­
ably by an electron-silver-ion process, but this migration 
seems to be a slowrer process than that involved in the forma­
tion of the deep internal latent-image. On the whole, the 
known facts regarding the formation of the deep internal 
latent-image seem most consistent with its formation by the 
migration of primary electrons from the absorption layer. 
Similarly, although the observed solarization of the deep 
internal image at low temperatures might be caused by the 
diffusion of atomic or molecular bromine along internal sur­
faces, the conclusive evidence for the motion of positive 
holes in sheet crystals at room temperature afforded by the 
increase in the electrical conductivity of the crystals when 
placed in bromine vapor13 14’15 makes it highly probable that 
the solarization is caused by the migration of positive holes 
into the interior from the absorption zone of the crystal.

III. Distribution of Internal Latent-Image and 
Photolytic Silver throughout the Depth of Sheet 
Crystals.— It has been shown by Hedges and 
Mitchell2 that the photolytic silver formed by pro­
longed exposure of unsensitized sheet crystals is 
situated below the surface. Our measurements 
show that the photolytic centers produced by ultra­
violet radiation are confined to a shallow layer just 
below the surface, few particles being more than 
about 2 fi from the surface (Fig. 2a). •

(16) E. A. Sutherns and E. E. Loening, J. Phot. Sri., [2] 4, 154
(1956).

(17) C. K. K. Mees, “ The Theory of the Photographic Process," 
revised ed., The Macmillan Co., New York, N. Y., 1954, p. 257.
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Fig. 1.— Distribution of photolytic and of latent-image 
centers throughout the depth of a crystal of pure silver 
bromide, 100 m thick, exposed to penetrating visible light 
(diagrammatic): 1, photolytic silver in crystal exposed in
air; 2, photolytic silver in crystal exposed under sodium 
nitrite; 3, latent image in crystal exposed in air.

Especially interesting is the relative distribution 
of latent-image centers and of photolytic centers 
produced by penetrating light of long wave lengths, 
shown in Fig. 1. Pure sheet crystals of silver 
bromide exposed to light of wave length about 470- 
480 m/x, which penetrates a 100-/x crystal with only 
about a 30% loss of the incident intensity at the 
rear surface, show developable latent image through­
out the thickness of the crystal in amounts roughly 
proportional tc the intensity prevailing at the 
various depths within the crystal, with the excep­
tion of insensitive subsurface iayers extending 
within the crystal to about a micron from the 
surfaces of incidence and exit. The internal latent- 
image spreads about 50 m/x laterally from the il­
luminated volume, the result of lateral diffusion 
analogous to the diffusion which causes the forma­
tion of deep internal latent-image in crystals ex­
posed to radiation of short wave lengths. No 
lateral spread is observed in the very feeble images 
formed by penetrating radiation in the insensitive 
subsurface layers.

In contrast, photolytic silver particles formed by 
exposure to penetrating radiation are concentrated 
in two zones extending a number of microns within 
the crystal from the two surfaces, the central 
regions being devoid of visible particles,18 (Figs. 1

(18) In estimating the concentration of photolytic silver as a func­
tion of depth within the crystal exposed to penetrating radiation, it 
is advantageous to choose conditions under which the photolytic 
silver appears as microscopically resolvable discrete particles. This 
condition can be secured by exposing to the penetrating light, of wave 
length about 470-48C m/x, without removing red light. If red light 
is removed from the radiation of the incandescent tungsten source by 
interposing the copper sulfate filter, the visible image of photolytic 
silver formed by radiation of wave lengths longer than 470 m/x often 
appears as a microscopically unresolvable brownish haze. If red light 
is present along with the actinic light, individual particles in any 
plane within the crystal can be discerned and brought into sharp 
focus against the hazy background which results from the out-of-focus 
particles at other depths. Heating the crystal containing unresolvable

and 3a). This difference in the nature of the 
distribution of latent-image and photolytic centers 
is not connected with any difference in the time of 
exposure required to form the respective images, 
for the difference is observed when the photolytic 
image and the latent image are produced by one 
and the same exposure of a given crystal. It 
appears, therefore, that latent-image centers persist 
in the interior during the whole of the duration of 
the exposure, but that they cannot grow to photo­
lytic centers in the deeper parts of the interior, 
while they can, in regions nearer the surface.

The details of the distribution of photolytic silver 
formed by penetrating light depend upon the nature 
of the crystal and on the conditions of exposure. 
Unannealed crystals exposed in air show no photo­
lytic silver at the surface and the maximum density 
of the photolytic centers occurs about 5-7 /x from 
the surface, and about twice as far from the surface 
in crystals annealed by four hours of heating in 
nitrogen at 200°. If the exposure is made under 
the halogen acceptor, sodium nitrite, the total 
amount of photolytic action is increased, and dense 
deposits of photolytic particles appear at and im­
mediately below the surface, sinking to very low 
concentrations of particles toward the center of the 
crystal.

These observations seem to be connected with 
observations by Luckey on the bromine evolution 
from sheet and slab crystals of silver bromide 
photolyzed in  vacuo .19-20 From the variation of 
the quantum yield of the bromine evolution from 
such material with wave length, crystal thickness, 
temperature and light intensity, it appears that 
most of the absorption effective in producing 
gaseous bromine in photolytic exposures occurs 
within a thin surface layer about 1/ »  /x thick. 
Between this level and the surface, positive holes 
can diffuse to the surface and there escape into 
vacuum sufficiently rapidly to ensure a relatively 
low rate of recombination with trapped electrons 
and hence allow the build-up of silver particles. 
If light is absorbed below this layer, the positive 
holes formed cannot diffuse rapidly to the surface; 
a relatively high concentration of holes builds up, 
and much recombination prevents the formation 
of silver particles.

This general view seems consistent with the 
distribution of photolytic silver observed in sheet 
crystals as a result of exposures to penetrating light. 
Positive holes produced by absorption in the in­
terior of the sheet accumulate with increasing 
time of exposure, and, by attack of electrons trapped 
in latent-image centers, prevent these centers from 
growing to microscopically visible particles. Nearer 
the surface, the positive holes are removed by dif­
fusion, and latent-image centers can grow to photo­
lytic centers. When the crystals are exposed to
particles causes a similar, but less efficient, growth of photolytic par­
ticles, and, still less efficiently, merely holding the crystals at room 
temperature for some days also causes growth. The distribution-in- 
depth of the unresolved particles is difficult to determine by micro­
scopic observation, but our general observations convince us that the 
distribution is not essentially changed when the particles grow under 
the influence of red light.

(19) (a) G. W. Luckey, This Journal, 67, 791 (1953); (b) J.
Chem. Phys., 23, 882 (1955).

(20) C. A. Duboc, Phys. Pev., [2] 98, 1557 (1955).
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Fig. 2.—-Depth-distribution of photolytic silver in silver bromide crystals exposed to ultraviolet radiation: a, pure silver 

bromide; b, silver bromide containing cadmium ion; note the complementary photolytic image on the surface of incidence; 
c, silver bromide containing cuprous ion.

penetrating radiation under nitrite solution, the 
zone within which most of the photolytic silver 
is deposited is not more than a micron in thickness 
from the surface, comparable with the thickness of 
the zone in which, according to Luckey’s and 
Duboc’s analyses,19-20 diffusion to the surface keeps 
the concentration of positive holes below the value 
at which they are most likely to combine with 
electrons. These calculations depend on the as­
sumption of very rapid liberation of holes at the 
surface into vacuum, as bromine molecules, so 
that the concentration of holes at the surface is 
kept very low, a condition which is approximately 
fulfilled in exposures under nitrite solution. As 
already mentioned, the position of the maximum 
concentration of photolytic particles formed during 
exposures in air is some 5-7 n from the surface, sug­
gesting that, in such exposures, the escape of ad­
sorbed bromine from the surface is sufficiently slow 
to allow an appreciable build-up of positive holes 
in the region immediately below the surface, with 
a consequent inhibition of the growth of photolytic 
centers in this region.

It is clear, however, that these recombination 
processes in the interior of the crystal, effective 
though they may be in preventing the growth of the 
microscopically invisible latent-image centers to 
visible photolytic centers, do not prevent the 
formation of the latent-image particles themselves, 
nor are these particles in pure bromide crystals 
attacked by the accumulating positive holes which 
prevent their growth to the larger particles; the 
absence of photolytic silver in the deep interior of 
pure bromide crystals is not accompanied, at room 
temperature, by solarization of the latent image. 
The situation is, therefore, that, at a given con­
centration of positive holes in the interior of an 
illuminated sheet crystal, particles of latent-image 
size are stable, and photolytic particles are un­
stable. A diminished chemical or electrochemical 
activity of the photolytic-image particles with re­
spect to attack by positive holes seems to be indi­
cated. Mitchell5-11 has suggested recently that an 
important factor in stabilizing latent-image centers 
against attack by positive holes is their acquiring 
a positive charge by adsorbing silver ions, the 
positive hole being repelled electrostatically. Such 
an explanation is tentatively consistent with our 
observations of the stability of latent-image centers 
in the interior of thin crystals, if the further as­

sumption is made that, in the growth of the latent- 
image centers toward photolytic centers, the rate 
of growth of the positive potential conferred by the 
adsorption of silver ions is not great enough to over­
come the chemical affinity of a positive hole for the 
valence electron of a silver atom in the photolytic 
center. Moreover, the solarizability of internal 
latent-image at low temperatures already referred 
to suggests that even latent-image centers may be 
attacked by positive hcles under these conditions, 
a circumstance which, on the hypothesis of charge- 
stabilization of latent-image centers, would indicate 
diminished adsorption of silver ions by the latent- 
image centers at low temperature.

IV. Effect of Cadmium Ion on the Distribution 
of Latent and of Photolytic Image in Silver Bro­
mide.—If the absence of photolytic silver in the 
interior of crystals of silver bromide is associated 
with the accumulation in these regions of positive 
holes, it should be possible to modify the distribu­
tion of photolytic centers by the introduction of 
internal hole-traps. The effect of cadmium ion, 
introduced into the crystals by co-fusion, was first 
studied. As is well known, the substitution of 
divalent cadmium ions for silver ions in the silver 
bromide lattice introduces an equivalent concentra­
tion of silver-ion vacancies, accompanied by a de­
crease in the concentration of interstitial silver ions, 
signalled by a fall in electrical conductivity on the 
addition of very small amounts of cadmium ion, 
followed by large increases in conductivity on 
further additions of the divalent ion.21-22 The 
cation vacancies, which are centers of negative 
charge, might trap positive holes to some degree, 
although available information suggested that any 
such trapping in silver bromide must be consider­
ably less efficient than the corresponding process 
in the alkali halides, in which positive holes trapped 
at cationic vacancies form F-centers, characterized 
by well-defined ultraviolet absorption bands.23

Sheet crystals of silver bromide containing 1 
mole % of cadmium bromide were found to be 
optically inhomogeneous at room temperature; 
those containing 0.01 mole % of cadmium bromide 
were optically homogeneous, while those containing 
0.03 and 0.1 mole % scattered more than pure 
crystals, much of the additional scattering being

(21) E. Koch and C. Wagner, Z. physik. Chem., B38, 295 (1937).
(22) J. Teltow, Ann. Physik, [f>] 5, 62 (1949).
(23) E. Mollwo, ibid., [5] 29, 394 (1937).
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Fig. 3.— Depth-distribution of photolytic silver in silver bromide crystals exposed to penetrating visible light: a, pure 

silver bromide; b, silver bromide containing cadmium ion; note the complementary photolytic images on the surfaces of 
incidence and exit c, silver bromide containing cuprous ion.

confined to the surface layers. The electrical 
conductivity of the crystals at room temperature 
increased regularly between cadmium bromide 
contents, 0.001 to 0.1 mole %, consistent with 
increasing concentrations of mobile cationic vacan­
cies.

The effects of cadmium ion on the photolytic 
sensitivity of sheet crystals of silver bromide can be 
summarized as follows, (a) Cadmium ion greatly 
diminishes the total production of photolytic 
silver, as already found by Burgers and Kooy,24 
especially for excitation by light of long wave 
length.

(b) The distribution pattern of the photolytic 
centers formed in cadmium-containing crystals is 
characteristically different from that in pure crys­
tals. If cadmium-containing crystals are exposed 
through a slit to light which is strongly absorbed 
within the crystal, most of the photolytic silver is 
formed in a shell-like structure outside the il­
luminated volume as shown diagrammatically in 
Fig. 2b. The lateral and downward displacements 
from the illuminated volume of the layers of photo­
lytic silver formed in cadmium-containing crystals 
depend somewhat on the conditions of illumination, 
but when produced by non-penetrating light, the 
maxima in the concentration of photolytic product 
occur in regions beyond the range to which actinic 
light can penetrate with appreciable intensity by 
direct propagation or by scattering. Strong 
“wings” in the pattern of photolytic silver are 
characteristic of silver bromide crystals containing 
divalent cadmium or lead ions, and seem therefore 
associated with the presence of divalent ions as 
such. For exposures through a slit to penetrating 
light of long wave lengths, the total production of 
photolytic silver is very small, and practically all 
the product is formed in two lateral wings which 
penetrate from front to rear of the crystal (Fig. 
3b). The illuminated volume itself contains only 
a few large photolytic centers, scattered through 
greater depths than for the same illumination of 
pure bromide.

(c) The surface of exposed cadmium-containing 
crystals displays a non-silver photolytic image, 
confined within the geometrical image of the slit,

(24) W. G. Burgers and J. N. Kooy, Rec. trav. chim. Pays Bas, 67, 
16 (1948).

and constituted of regularly oriented pits of square 
cross-section with sides parallel to <100> crystal­
lographic directions. The pits may grow with in­
creasing duration of exposure to a size of several 
microns square, although as they become larger 
they become less regular. These surface bodies 
survive treatment with nitric acid following a 
shallow etch, which completely removes photo­
lytic silver, and also remain after heating the crystal 
to about 300°, which also causes the disappearance 
of photolytic silver centers. Sometimes localized 
patterns and concentrations of pits seem to be as­
sociated with corresponding patterns of photo­
lytic silver centers in the subsurface layer. This 
surface image of pits will be referred to as the com­
plementary photolytic image. When a photo- 
lyzed cadmiated crystal of silver bromide is ob­
served by transmitted light, much of the loss in 
density which discriminates between exposed and 
unexposed areas is caused by loss of light by 
scatter by the pits of the complementary image. 
If the crystal is exposed to penetrating light, com­
plementary images appear at both the surfaces of 
incidence and of exit (Fig. 3b).

It seems likely that the surface pits represent 
localized escape of bromine from sites at which 
positive holes have been trapped at silver-ion 
vacancies. Positive holes and silver-ion vacancies 
participate in the formation of this image in much 
the same way as the complementary particles, 
electrons and interstitial or mobile silver ions, 
participate in the formation of the normal photo­
lytic silver image, and the term “complementary 
photolytic image” seems appropriate for this image- 
wise formation of pits in the surface of crystals 
containing divalent ions.

The general characteristics of the photolytic 
image and of the complementary photolytic image 
in cadmium-containing crystals also appear in 
crystals of silver bromide containing divalent lead 
ion, and these characteristics therefore seem as­
sociated with the presence in the crystal of divalent 
ions as such and probably especially of the asso­
ciated cationic vacancies.

Observations on the formation of internal latent- 
image in crystals containing cadmium ion appear to 
throw some light on the shell-like distribution of 
print-out silver outside the illuminated volume in



Jan., 1959 Photochemical Processes in T hin Single Crystals of AgBr 51

these crystals. The crucial facts on the internal 
latent-image in cadmiated crystals are that, for 
short exposures at room temperature, either to 
penetrating light or to strongly absorbed light, the 
amount and distribution of the latent image in the 
subsurface regions and deep in the interior of the 
crystal are similar to those for pure crystals sub­
jected to the corresponding exposures, but that 
strong solarization of the deep internal latent-image 
is caused at room temperature by long exposures to 
penetrating light, but not to strongly absorbed light. 
The solarization of internal latent-image by pene­
trating light occurs at exposure levels below those 
required to produce visible silver (which, as just 
discussed, is concentrated in wings outside the il­
luminated volume). The significant point appears 
to be that solarization of the deep internal latent- 
image at room temperature in cadmiated crystals 
occurs only if light can penetrate to the regions in 
which this latent image is formed. Unsolarized 
internal latent-image can exist in these same 
regions, if formed as a result of exposure to ultra­
violet light, even when the number of absorbed 
quanta of the ultraviolet light exceeds that for 
strongly solarizing exposures at long wave lengths.

The observed facts of low over-all photolytic 
sensitivity, the peculiar distribution of photolytic 
silver and the solarizability of the deep internal 
latent-image in sheet crystals containing cadmium 
ion can be accounted for if it is supposed that the 
silver-ion vacancies which are introduced into the 
lattice by the presence of cadmium ion form traps 
for positive holes adequately deep to retard diffu­
sion of the holes from their place of origin at the 
site of an absorbed photon, but not deep enough 
to prevent attack of photolytic centers and even, 
when prolonged exposure to penetrating radiation 
produces enough holes, attack of already formed 
latent image. Some of the electrons produced in 
the illuminated volume diffuse out and are ulti­
mately trapped to form silver atoms which aggre­
gate to latent-image centers and to specks of photo­
lytic silver. The silver centers will grow most 
rapidly where the concentration of the diffusing 
electrons is high, not far from the absorption layer 
in which they are produced. When the silver 
aggregates have become relatively large, they will 
probably act as efficient electron traps, so that, in 
the photolytic stage, most of the electrons will be 
trapped before they have diffused very far, re­
sulting in the formation of a shell of photolytic 
silver closer to the illuminated volume than the 
maximum distance to which, in an earlier stage of 
the exposure, electrons can diffuse and form latent- 
image centers.

The positive holes accumulate, lightly trapped 
to silver-ion vacancies, in the illuminated volume. 
The positive space charge set up within the il­
luminated volume can be relieved by a motion 
of silver ions into the non-illuminated volume, 
where they may assist in the formation of silver 
atoms. The process of selective trapping of the 
positive holes within the illuminated volume and of 
diffusion of electrons out, may perhaps occur to 
some extent in pure silver bromide, but to a much 
smaller degree than in crystals containing divalent

ions; the two factors which make the separation 
of the positive holes and electrons by this process 
so marked in the impure crystals are the numerous 
shallow hole-traps provided by the silver-ion vacan­
cies, and the high ionic mobility which tends to 
reduce space charge.

At low concentrations, the captured positive 
holes have little effect on the internal latent-image 
sensitivity of crystals containing divalent cations, 
possibly because of the repulsive effect of silver 
ions adsorbed to the latent-image centers already 
alluded to.6'11 As the holes accumulate, however, 
they begin to act as recombination centers for 
electrons, and additional latent image ceases to 
form. The probability of attack of latent image 
by free positive holes is not very great at room 
temperature, as is shown by the non-solarizability 
of the deep internal latent-image in pure crystals, 
formed, as discussed in Section II, in a region to 
which both electrons and positive holes probably 
diffuse from the absorption zone. Nevertheless, 
high concentrations of positive holes can attack 
latent image, as is shown by the bleaching of the 
deep internal latent-image in those crystals by 
bromine and other oxidants applied to the surface,8 
and the solarization of the internal latent-image 
formed in crystals containing divalent cations on 
exposure to penetrating light shows that, before the 
photolytic stage of the exposure begins, the con­
centration of free positive holes becomes great 
enough for attack to take place on the latent-image 
centers. At the photolytic stage of the exposure, 
very few latent-image centers remain within the 
illuminated zone, and growth of latent-image 
centers to particles of photolytic silver can take 
place practically only in regions outside the il­
luminated volume, to which electrons, but not posi­
tive holes, can diffuse. In ultraviolet exposures, 
on the other hand, the production of positive holes 
is confined to the thin absorption layer near the 
surface, and since, in the presence of high concen­
trations of cationic vacancies, they cannot migrate 
far from this layer, they cannot attack the latent 
image formed by diffusion of the electrons to greater 
depths, and no solarization of the deep internal 
latent-image.

V. Effects of Cuprous Ion on the Photolytic 
Sensitivity of Sheet Crystals.— Earlier work in 
these Laboratories on the behavior of silver chlo­
ride containing cuprous ion shows that this ion 
may act as an effective trap for positive holes,25-26 
probably by electron exchange between the cuprous 
ion and the hole. The effect of cuprous ion in 
sheet bromide crystals has, therefore, been studied 
in comparison with the effects of cadmium and lead 
ions. The valence condition of copper ion added 
to silver halides by co-fusion has been investigated 
by Urbach and co-workers,25-26 who found that 
cuprous or cupric ion incorporated by fusion into 
silver halides in the absence of a halogen atmos­
phere entirely assumes the cuprous state on cooling 
to room temperature. The radius of the cuprous 
ion, 0.96 A . ,  is somewhat smaller than that of the

(25) N. R. Nail, F. Moser, F. E. Goddard and F. Urbach, Phys. 
Rev., [2] 98, 1557 (1955).

(2fi) F. Moser. N. R. Nail and F. Urbach, Phys. Cliem. Solids. 3, 
153 (1957).
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Fig. 4.—-Rate of photolysis of cuprous-containing silver 
chloride and silver bromide: 1, 2, 3, silver bromide contain­
ing 0.00, 0.01 anc 0.1 mole %  cuprous ion; 4, 5, 6, silver 
chloride containing 0.00, 0.01 and 0.1 mole %  cuprous ion, 
respecti vely.

silver ion, 1.13 A. At room temperature, the 
cuprous ions in silver bromide appear to occupy 
silver-ion lattice sites substitutionally, as is indi­
cated by the negligible difference in the electrical 
conductivity of pure crystals and of those containing 
cuprous ions under these conditions, although 
Teltow27 from measurements of conductivity at 
temperatures above 200° concludes that cuprous 
ions at elevated temperatures occupy interstitial 
sites in the silver bromide lattice. Crystals contain­
ing 0.01 mole %  cuprous ion appeared optically 
homogeneous in the interior, but the surfaces dis­
played microscopically small dot-like markings 
absent in sheets of pure silver bromide; larger 
amounts of cuprous ion increased the concentration 
of surface marks, and some discrete scattering 
particles were microscopically visible in the in­
terior of the sheets.

In large crystals of silver chloride,25’26 quantities 
of cuprous ion less than one part per million cause 
a marked increase in the amount of photolytic 
product throughout the volume of a crystal ex­
posed to penetrating light, but in the bromide little 
effect of cuprous ion was observed until the con­
centration of the foreign ion was increased to more 
than 0.01 mole %  (34 parts cuprous bromide per 
million). The rate of photolysis of silver bromide 
increased regularly with cuprous-ion concentration 
in the range 0.01 to 1 mole % , the highest used in 
the experiments. Accelerated photolysis of silver 
bromide containing cuprous ion has been observed 
by Clark and Mitchell.4 The relatively high con­
centrations of cuprous ion necessary to alter the rate 
of photolysis of silver bromide in contrast to the 
minute quantities effective in the chloride suggests 
that inhomogeneities may be concerned in the 
effect in bromide. The effects of cuprous ion on 
the photolysis of thin crystals of silver brdmide and 
chloride on exposure to penetrating radiation are 
compared in Fig. 4, which shows the densities of 
the photolytic images in the two halides, measured 
by means of a photoelectric densitometer, as a

(27) J. Teltow, Z. fhysik. Chem., 196, 197 (1950).

function of the time of exposure. The saturation 
plateau in the density of the photolytic product, 
found by Urbach and co-workers to be character­
istic of the photolysis of thick crystals of silver 
chloride exposed to penetrating light26’26 and re­
produced also in thin crystals of silver chloride, is 
not found for the bromide. The effective wave 
lengths in the exposure of the bromide were 
between about 470 and 480 m^, and for the chlo­
ride 436 m/j, for which the absorption coefficient is 
approximately the same as for the bromide at 470 
m,u.

At room temperature, the absorption of thin 
sheet crystals of bromide showing enhanced photol­
ysis as a result of the addition of cuprous ion was 
found to be substantially the same for the actinic 
radiation used as for the pure bromide; hence the 
increased photolysis is not a consequence of in­
creased absorption of radiation. At elevated tem­
peratures, additional absorption, reversible on cool­
ing, at wave lengths longer than the absorption 
edge in pure bromide sheets was observed in sheets 
containing cuprous ion, but no photolytic experi­
ments at those temperatures were carried out.

With respect to the distribution of photolytic 
silver throughout the depth of the copper-contain­
ing silver bromide, the most instructive result is 
that exposure to penetrating light produces photo­
lytic silver in enhanced yield over that for the 
pure bromide thoughout the thickness of the 
crystal, except for layers of low photolytic sensi­
tivity immediately under the surface. Side wings, 
although not absent, are much less prominent 
than in crystals containing cadmium ion. This 
distribution is very different from that in a pure 
crystal, in which photolytic silver is not formed in 
the interior by penetrating light. Figure 3c shows 
diagrammatically the distribution of photolytic 
silver formed by penetrating light in copper-con­
taining crystals of silver bromide.

The observations fulfill the expectation that 
sufficiently deep traps for positive holes throughout 
the crystal will permit photolytic silver to be formed 
by penetrating light in the interior of the crystal, 
and are consistent with the hypothesis that the 
absence of photolytic silver in the interior of pure or 
cadmiated crystals is caused by attack of photolytic 
centers by positive holes which accumulate there on 
exposure to penetrating light.

Relative Silver and Bromine Quantum Yields 
in Copper-containing Silver Bromide.— If the func­
tion of cuprous ion in silver bromide is to trap 
positive holes tightly with the formation of cupric 
ion and lattice bromide ion, it follows that the 
bromine yield in the photolysis of crystals contain­
ing cuprous ion, in spite of the enhanced silver 
production, should not be greatly increased over 
that of similarly exposed pure crystals. This ex­
pectation has been found to be true, and the ex­
perimental evidence for the supposition that cu­
prous ion acts as a positive hole-trap is therefore 
very strong.

For excitation by wave length 436 mju, the silver 
yield in the impure crystals, as measured by the 
optical density of the photolytic image, was found 
in a number of experiments, to be about eight
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Wave Intensity, Dura- Br evolved. 10~8 equiv. Density of silver image
length, quanta tion, Pure AgBr, Pure AgBr, Ratio of yield

m/i cm .-J sec._l min. AgBr C u+ AgBr C u+ Silver Bromine
436 1.7 X  10ls 7 2.04 1.77 0.07 0.58 8.3 0.87

times that in pure crystals, although for illumination 
by wave length 365 m̂ t, the ratio was only 1.5. 
The bromine evolution was measured by absorp­
tion of the photolytic bromine by fluorescein paper, 
followed by extraction and photometric measure­
ment of the brominated dye. A  piece of sheet 
crystal some 5 by 10 mm. in dimensions was 
placed in a thin glass cell provided with entrance 
and exit tubes for the passage of a stream of 
nitrogen. Photolytic bromine was carried by the 
gas stream to a piece of moistened filter paper, 
impregnated with fluorescein, clamped between the 
members of a small ball-and-socket joint.28 After 
exposure of the crystal for 5-10 minutes to suitably 
filtered radiation from a 100-watt quartz-mercury 
arc, the paper was removed, extracted with a small 
volume of boiling 0.02 M sodium bicarbonate 
solution, and the brominated dye measured by 
means of the Beckman DU  spectrophotometer in a 
narrow 5-cm. cell.

An empirical calibration curve was made by 
similarly collecting the bromine resulting from the 
oxidation of known small amounts of potassium 
bromide by ceric ion in dilute sulfuric acid, in an 
apparatus similar to that used in the photolysis. 
In the calculation of the analytical results, it is 
assumed that the brominated product has the molar 
extinction coefficient of eosin; actually, the product 
may be partly dibromofluorescein, but calculation 
shows that no great error is thereby incurred. 
The bromine content of the dye product is not 
involved in the calculation. Table II  gives repre­
sentative data for the relative bromine and silver 
yields of the pure and the copper-containing crystals 
produced by exposure to light of wave length 436
npt.

Averaged oyer five runs of about seven minutes’ 
duration, the bromine evolution from the crystals 
containing cuprous ion amounted to 80%  of that 
from the pure material, while the silver density 
at the wave length of maximum absorption was 
about eight times greater for the impure than for 
the pure material. The difference in the ratio of 
silver production to that of bromine evolution in the 
impure and pure crystals is a measure of the trapped 
holes in the impure crystal.

Reversible Thermal Fading of the Photolytic 
Image in AgBr +  Cu+.— Comparison of the 
photolytic effects of cuprous ion and cadmium ion 
indicates that the cuprous ion forms a much deeper 
positive hole-trap than the silver-ion vacancy, but 
even this trapping is not permanent. An appreci­
able fading of the photolytic image formed in silver 
bromide containing cuprous ion occurs at room 
temperature, and at 170° the fading is nearly com­
plete within a few seconds. The amount of fading 
at room temperature or at 170° is considerably 
less for the photolytic image produced by light of 
wave length 365 m/i than by blue light. On being

(28) W. M. Seaber, Analyst, 61, 14 (1936).

cooled to room temperature, a crystal in which a 
photolytic image has been subjected to thermal 
fading regains its original high sensitivity, and the 
process of image formation at room temperature, 
followed by thermal bleaching at elevated tempera­
ture, can be repeated many times. No appreciable 
fading occurs in the course of several days in a 
photolytic image formed at room temperature when 
the sample is maintained at — 70°.

The reaction between Cu+ in the lattice and the 
positive hole is therefore reversible, according to the 
equation

(Cu+Oo +  (BrJ+i (Cui + +)+i +  (B r,-)0

where the suffix 1 indicates that the species occupies 
a lattice site, the symbol (Bri)+i is the untrapped 
positive hole, and the suffixes outside the brackets 
indicate the effective charge of the lattice site. 
The right-hand side of the equation represents a 
cupric ion occupying a lattice cation site, consti­
tuting the trapped hole, adjacent to a bromide ion 
in an anion site. The thermal bleaching of the 
photolytic image in these crystals is not accom­
panied by detectable bromine evolution; the 
mobile untrapped holes attack the photolytic 
silver, forming silver bromide.

Photochemical Storage of Energy.— The photo­
chemistry of silver bromide crystals containing 
cuprous ion illustrates a possible type of controlled 
storage of energy in crystalline solids. The primary 
endoenergetic photochemical separation of elec­
trons and positive holes is brought about by 
energy absorbed from light, while the subsequent 
trapping and recombination processes are exo­
thermal. In pure crystals or in normal photo­
graphic material, the exothermal reactions take 
place within a very short interval of time after the 
absorption, and the energy derived from the light 
is stored for a very short time. In crystals con­
taining cuprous ions, however, the positive holes 
at room temperature, and especially at lower 
temperatures, are trapped for prolonged periods. 
The trapping of the holes is accompanied by a large 
increase in the yield of photolytic silver, but the 
energy of activation for untrapping is sufficiently 
low to allow exothermal recombination of the posi­
tive holes with photolytic silver at moderately 
elevated temperatures. Silver ions and cuprous 
ions are regenerated, and, on cooling to room 
temperature, the system is restored to its original 
light-sensitive condition. The endoenergetic 
photoprocess and the exothermal recombination 
can be repeated at will. The heat available per 
gram of crystal in this recombination is small com­
pared with the heat of combustion of one gram of 
carbon, even when the photochemical process 
proceeds with high efficiency, but the silver bro­
mide-cuprous ion system seems of some interest as 
a model of one type of photochemical storage of 
energy in solids.
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Fig. 5.— Absorption spectra of photolytic products in pure 
and cuprous-containing silver bromide, and (dotted curve) 
the spectrum of unphotolyzed, cuprous-containing silver 
bromide after exposure to bromine.

Spectroscopic Evidence for the Presence of Cu++ 
in Photolytic Images in AgBr +  Cu+.— As is
shown by the topmost curve in Fig. 5, the absorp­
tion of the photolytic product formed by exposure 
to blue light of sheet crystals of silver bromide 
containing cuprous ion increases in intensity 
toward shorter wave lengths, until it becomes lost 
in the absorption of the silver bromide. This 
branch of rising absorption is absent from the spec­
trum of the photolytic product resulting by blue 
radiation in pure silver bromide sheets, and is much 
feebler in the spectrum of the product formed in 
copper-containing sheets exposed to light of wave 
length 365 m/i.

Urbach and co-workers have shown that exposure 
to chlorine of silver chloride containing cuprous 
ion causes an absorption band to be developed, 
which they attribute to absorption by cupric ion 
formed in the lattice by oxidation of the cuprous 
ion.26 A  similar coloration of thin crystals of 
silver bromide by bromine is observed. The 
dotted curve of Fig. 5 represents the absorption 
spectrum of a silver bromide sheet originally con­
taining cuprous ion at 0.1 mole %  which has been 
colored by exposure to bromine. The absorp­
tion increases with decreasing wave length from a 
low value in the red. At constant bromine pres­
sure, the rate of growth of this absorption at 540 
mp follows the first-order equation da/dt =  k(as — 
a), where a is the density at time t and as is the 
limiting saturation value of the density, log 
(a8 — a), decreasing linearly with time.

The saturation value of the absorption increases 
with the original cuprous-ion content of the crystal. 
The equation indicates that every cuprous ion 
produces a color center by reaction with bromine, 
and that, if the bromine concentration is maintained 
constant, the rate of formation of the color centers 
at any instant is proportional to the concentration 
of residual cuprous ions. It is therefore very 
likely that the absorbing centers induced by bro­
mine in silver bromide containing cuprous ion are 
cupric ions formed by reaction of the cuprous ions 
with positive holes.

The color induced by bromine in these crystals 
fades very slowly at room temperature (about 6%  
per day for an initial optical density of about 
0.7) and rapidly at about 200°. The fluorescein 
test shows the liberation of bromine during fading 
at elevated temperatures. Free positive holes are 
produced in the crystal containing the oxidized 
copper ion by the reverse reaction in equation 1, 
and are liberated as bromine, in contrast to the 
situation in which the holes are untrapped ther­
mally in these crystals in the presence of photolytic 
silver. Silver bromide is then produced, and no 
bromine is formed.

The branch at short wave lengths of the absorp­
tion spectrum of the photolytic product in silver 
bromide containing cuprous ion runs parallel with 
the spectrum produced by the action of bromine 
on these crystals, and it seems very probable that 
this branch is indeed the absorption spectrum of 
the cupric ion produced in the photolysis. It is 
significant that, for excitation by 365-m/x radiation 
compared with 436-m/z radiation, (a) the increase 
in photolytic yield caused by cuprous ion is lower,
(b) the rate and amount of fading, both at room 
temperature and at elevated temperature, are lower 
and (c) the contribution of cupric ion to the spec­
trum of the photolytic product is smaller; thus, 
the yield of photolytic silver is highest and the rate 
of fading is highest when the spectral evidence 
indicates greatest production of cupric ion in the 
photolytic product.

The explanation of the difference in the effect of 
cuprous ions at different wave lengths probably lies 
in the relation between the volume concentration 
of absorbed photons and cuprous ions when the 
exciting wave lengths are in the ultraviolet and the 
blue regions, respectively. The ultraviolet radiation 
is absorbed in a thin layer near the surface, while 
blue light penetrates farther. The number of 
cuprous ions per cm .2 of material 1 a thick at a 
cuprous ion concentration of 0.1 mole %  is some
1.4 X  1015 and the incident intensity of ultraviolet 
radiation and of blue light in the experiments was 
about 1015 quanta cm .-2 sec.-1 . Radiation of wave 
length 365 ma is absorbed to the extent of 40%  of 
the incident intensity in penetrating 1 a, but a 
thickness of 11 a is required to absorb 40%  of the 
incident radiation of wave length 436 ma- It is 
probable, therefore, that cuprous ions in the ab­
sorption layer for ultraviolet illumination soon be­
come saturated with trapped positive holes; hence 
in prolonged exposure, most of the photolytic 
action would be produced without benefit of these 
ions and a large fraction of the positive holes would 
escape as bromine to the atmosphere. The thicker 
actinic layer associated with excitation by blue 
light contains a greater number of cuprous ions 
per absorbed photon, and saturation of the hole 
traps will not occur at the very start of the ex­
posure; the resulting image will contain relatively 
more cupric ions, but at the same time will be more 
unstable than the image obtained from ultraviolet 
exposure.

We wish to acknowledge the assistance of J. H. 
Altman of these Laboratories in making the micro­
densitometer measurements reported in Table I.
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The resistivities of some ion-exchange membranes have been measured at a frequency cf 1000 cycles per second using 
a Shedlovsky conductivity bridge. The resistivities of three commercial types of membranes have been compared at 25°. 
In addition, one type of sulfonated phenol-formaldehyde ion-exchange membrane has been further investigated under a 
variety of conditions. The effects of the size of the mobile ion, the temperature and the level of water activity in this 
membrane upon its resistivity, have been measured. It has been observed that the resistivity of the membrane is a linear 
function of the Stokes law radius of the mobile ion for a series of alkali metal ions. For membranes saturated with water 
the temperature coefficient of the specific conductance indicates an activation energy for ionic migration of about 3 keal. 
per mole. When the activity of water in phenolic membranes in the hydrogen ion form is varied, it has been observed that 
the logarithm of the specific conductivity is a linear function of the activity of water. These results were obtained by 
equilibrating these membranes in solutions in water in ethylene glycol of varying composition. The implications of these 
results with regard to the mechanism of ionic migration in ion-exchange polymers are discussed.

Introduction
The electrolytic properties of ion-exchange 

membranes have been studied to a relatively 
slight extent compared to other properties of these 
materials. This is true despite the convenience 
of making such measurements and the close rela­
tion of ionic conductivity to the self-diffusion 
constant for the ion in question.1 Although the 
relatively new class of materials comprising the 
ion-exchange membranes have found only a few 
applications notably in the purification of saline 
waters by electrodialysis,2 other uses would seem 
to be inevitable for the very special properties of 
these polymeric solid electrolytes. An excellent 
review of general properties of ion-exchange 
membranes recently has been published.3 Their 
application as solid state battery electrolytes4 
has been reported.

It is the purpose of this paper to describe a 
method of obtaining the volume resistivity of ion- 
exchange membranes under well defined conditions 
and to report the results of a study of the effect of 
some variables upon the volume resistivity.

Many determinations of electrolytic properties 
of ion-exchange membranes have been carried out 
by the method of compartmented cells in which the 
conductivity of the membrane is determined by 
difference between the cell containing a membrane 
separator and the cell containing only the aqueous 
electrolyte.5-7 If the conductivity of the mem­
brane containing no leachable electrolyte (be., in 
equilibrium with pure water) is desired, this may 
be found by extrapolation of the results of com­
partment cell measurements at increasingly lower 
concentrations of electrolyte.

Ion-exchange membranes can also be measured 
by a direct method consisting of clamping a sheet of 
the membrane directly in contact with inert metal 
electrodes and employing a conductivity bridge

(1) K. S. Spiegler and C. D. Coryell, This Journal, 57, 687 (1953).
(2) C. B. Ellis, “ Fresh Water from the Ocean,”  The Ronald Press, 

New York, N. Y., 1954.
(3) K. S. Spiegler, Chapter 6 of "Ion Exchange Technology,”  ed. by 

F. C. Nachod and J. Schubert, Academic Press, New York, N. Y., 
1956.

(4) W. T. Grubb, J. Electrochem. Soc., in press.
(5) A n n .  Rev. Phys. Chem., 3, 126 (1952).
(6) G. Manecke and E. Otto-Laupenmtihlen, Z. physik. Chem. 

N. F., 2, 336 (1954).
(7) A. G. Winger, G. W. Bodamer and R. Kunin, J. Electrochem. 

Soc., 100, 178 (1953).

in the usual way. In this manner, Spiegler and 
Coryell1 have investigated a phenol sulfonate 
formaldehyde membrane in its sodium, zinc and 
calcium forms near room temperature. They have 
also measured self diffusion rates of the cations 
using radioactive ions and have found that the 
Einstein8 relation is approximately correct in 
describing the relation between electrolytic con­
ductivity and self diffusion.

Since the direct methoa for conductivity measure­
ments on ion-exchange membranes gives results 
of greatest interest in considering their solid state 
properties, it has been refined and extended to the 
measurement of membranes under a variety of 
conditions. The characteristics of three types of 
cation-exchange membranes have been determined 
for the acid form and cne type of membrane has 
been investigated under a variety of conditions to 
determine the effects upon its electrolytic conduc­
tivity of varying the ionic form, the temperature 
and the solvation of the membrane. In the latter 
instance water-ethylene glycol solutions of various 
compositions have been employed.

Experimental
The conductivity cell used to clamp the membrane in 

place between electrodes was constructed of Teflon. With a 
membrane in place, the electrolyte conductance was ob­
tained directly at the terminals of the cell. However, since 
the contact resistance of the electrode-membrane interface 
might not be negligible, the cell was designed to eliminate 
this error by providing a namber of fixed positions of the 
electrodes on the membrane such that a series of measure­
ments at different cell constants wras made. The plot of 
resistance versus cell constant (in the form of cell length 
divided by the product of membrane wddth by membrane 
thickness) was linear, and f:om its slope was obtained the 
volume resistivity of the membrane. The physical dimen­
sions of the membranes were obtained by measurements wdth 
a micrometer caliper. The length in each measurement 
was determined by measuring the distance between the 
leading edges of the cell electrodes using a travelling micro­
scope. Any errors in this arbitrary choice of reference 
points also cancel out w'hen the method of variable cell 
constants is employed. The method of variable cell con­
stants has been employed by Hills, et al.,9 in the measurement 
of resistivities of some polyelectrolyte gels and found to 
be satisfactory.

The electrical measuring equipment consisted of a Shed­
lovsky conductivity bridge. A Wagner earthing circuit was 
employed to balance out ur symmetrical capacity paths to

(8) W. E. Garner, “ Chemistrr of the Solid State,”  Butterworth’8 
Scientific Publications, London, 1955, p. 27.

(9) G. J. Hills, J. A. Kitchene' and P. J. Ovenden, Trans. Faraday 
Soc., 51, 719 (1955).
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ground. The detector was a pair of sensitive headphones 
behind a 2-stage amplifier. In many of the ion-exchange 
membrane samples, the capacity compensation component 
is large, and to obtain a completely silent minimum, the 
capacitor of the bridge included a General Radio Co. Decade 
capacitor, which permitted capacity readings up to 1.2 
microfarads.

The conductivity cell was kept at constant temperature in 
a heavy copper box immersed in a water thermostat. This 
box served the purposes of providing shielding, distributing 
any thermal gradients and confining the cell and membrane 
sample in a known atmosphere. Used in this manner, the 
copper box is an air thermostat, and if electrically grounded, 
the usual objection10 to the use of water thermostats in 
conductivity measurements is avoided. The atmosphere 
inside the copper box usually was kept at 100% relative 
humidity by the presence of a small beaker of water with a 
wick immersed in it.

Measurements in the present report have been confined 
to membranes in their leached states. Throe commercial 
ion-exchange membranes of different type and manufacture 
have been employed. The procedures of Juda, et al.,n 
were employed to ensure complete conversion into one ionic 
state and removal of counter electrolyte.

The effect of the electrode surface upon the measurements 
was investigated. The resistance is a linear function of the 
variable cell constant for the same membrane whether bright 
platinum electrodes or platinized platinum electrodes are 
employed. Platinizing has mainly the effect of reducing the 
apparent contact resistance and does not markedly influence 
the slope. This means that the condition of the electrodes 
is not too critical in determining resistivities. Platinized 
platinum electrodes have been employed in all the experi­
ments described.

Cation membranes from three commercial suppliers have 
been compared in their hydrogen ion forms. These mem­
branes are known under these trade names: ‘ ‘Amber- 
plex C - l”  manufactured by the Rohm & Haas Co., Phil­
adelphia, Pa., “ Zerolit 315”  manufactured by the Permutit 
Co. Ltd., London, England, and “ Nepton CR-51”  manu­
factured by Ionics, Inc., Cambridge, Mass. Their resis­
tivities at 25.00 dh 0.03° and 1000 cycles/sec. are, respec­
tively, 38.2, 16.7 and 9.6 ohm cm. Unless otherwise in­
dicated all resistivity data in this paper refer to 25° and 
1000 cycles/sec.

Various samples of membranes from a given manufacturer 
vary in resistivity from one sample to the next somewhat 
more than experimental errors could explain. Nine separate 
pieces of Nepton CR-51 were measured and the results are 
shown in Table I.

T a b l e  I

Sample no. 1 2 3 4 5 6 7 8 9  Av. 
Resistivity 9.59 10.0 9.54 9.37 9.06 9.50 9.73 9.42 9 78 9.62

(ohm cm.)

The conductivities of ion-exchange membranes are 
affected not only by the membrane type but also by the 
ionic form of the membrane, the temperature and the 
solvating liquid. The effects of these other factors have 
been determined for ‘ ‘Nepton CR-51,”  a condensation 
product of phenol-sulfonic acid and formaldehyde12 (here­
after called the phenolic membrane). Selected pieces with 
conductivity close to the average value of 104 milliohm cm. 
(see above) have been employed, and conclusions of the 
present work are based only upon the relative values of con­
ductivity as a function of varying conditions, thus avoiding 
the variability indicated in Table I above.

The phenolic ion-exchange membrane is characterized by 
its capacity in terms of amount of exchangeable ions per 
unit volume and its relative degree of cross-linking as in­
dicated by the amount of swelling in water. These proper­
ties have been determined for a membrane of typical con­
ductivity value and compared wdth previous values in the 
literature.11

Measured dimensions of leached H + and N a+ membranes 
indicate approximately 1% linear shrinkage in the conver-

(10) G. Jones and R. C. Josephs, J. Am. Chem. Soc., 60, 1065 
(1928).

(11) W. Juda, N. W. Rosenberg, J. A. Marinsky and A. A. Kasper, 
ibid., 74, 3736 (1952).

(12) W. Juda et al., U. S. Patent 2,636,851,

T a b l e  II
Present work Lit.11
(11+ form) (Na + form)

Water content, % 54 ±  1° 55.3 ±  1“
Wet density 1.2 ±  0 .1“ 1.33 ±  0.01“
Capacity 1.2 ±  0.1 1.26 ±  0.02

meq./ml.“ meq./ml.“
1.01 meq./g. 0.94 m eq./g.“
2 .2  meq./drv g. 2.1 meq./dry g.

° Based on leached aqueous sample wiped dry.

sion from H + to N a+ for Nepton CR-51. The data of 
Table I indicate that the present samples of Nepton CR-51 
are very similar to materials of the same manufacturer that 
have been characterized previously.11

Results and Discussion
Electrical Conductivity as a Function of Ionic 

Type.—A single strip of the phenolic ion-exchange 
membrane was measured in a series of ionic states 
through the cycle H+, Na+, Li+, K+, H+. The 
results are presented in Table III.

T a b l e  I I I

R e s i s t i v i t y  o f  P h e n o l i c  I o n - e x c h a n g e  M e m b r a n e  i n  
U n i v a l e n t  I o n i c  F o r m s  a t  2 5 “

Tonic
Specific

resistance,
Specific

conductance,
millimho

form ohm cm. cm. ~l
H + 9.6 104
K  + 50.3 19.9
Na + 71 14.,
Li + 93.3 10.7
H + 9.7 103

The final measurement of the H + membrane 
shows a variation of about 1% from its initial value. 
The relative values of ionic conductance have 
therefore about this limit of accuracy. The con­
ductivity values in the present work are somewhat 
higher than those previously reported- by Rosen­
berg,13 who has not published this work in detail. 
It is probable that only the relative values of 
conductivity have real significance at the present 
time since the absolute values depend upon fre­
quency, variations of the membrane, contact 
resistances and also upon the method of measure­
ment. It was pointed out14 that absolute resistivi­
ties are very sensitive to details of preparation of 
the membrane.

The resistivities are found to be linear with the 
hydrated ionic radii (R ¡) as calculated by Remy.16

The values of Ri were computed by Remy from 
Stokes law and the mobilities of the ions (at infi­
nite dilution). This particularly simple relation 
of p to Ri does not extend to ions of different va­
lence or heavy metal ions. This is illustrated by 
measurements on zinc and copper presented in 
Table IV which includes a measurement upon the 
H+ state of the same membrane sample (differing 
from that of Table III).

Effect of Temperature upon Conductance 
of Phenolic Membranes.—The conductivity of 
aqueous solutions of electrolytes at varying tem­
peratures frequently obeys Walden’s rule in that

(13) Ann. Rev. Phys. Chem., 4, 389 (1953) (reference to a Gordon 
Conference Presentation on Ion Exchange, July, 1951).

(14) K. Sollner, Ann. N. Y. Acad. Sci., 57, 192 (1953).
(15) H. Remy, Z. physik. Chem., 89, 4G7 (1915).
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T a b l e  I V

R e s i s t i v i t y  o p  P h e n o l i c  I o n - e x c h a n g e  M e m b r a n e  i n  
D i v a l e n t  I o n i c  F o r m s  a t  2 5 °

Ionic
Specific

resistance,
Specific

conductance,
millimho

form ohm cm. cm .“ 1
Z n ++ 210 4.8
Cu++ 176 5.7
H + 9.1 110

the increased conductance with rising temperature 
is proportional to the decrease in viscosity of the 
solvent. At 25° for example the viscosity of water 
decreases 2.2% per degree.16 Since no measurable 
viscosity exists in a polyelectrolyte gel swelled with 
water, interest attaches to the measurement of ionic 
conductivity as a function of temperature. A 
single strip of the phenolic ion exchange membrane 
was measured at a series of temperatures between 
0 and 41°.

T a b l e  V

R e s i s t i v i t y  o p  P h e n o l i c  I o n - e x c h a n g e  M e m b r a n e s  i n  
t h e  H +  F o r m  a t  V a r i o u s  T e m p e r a t u r e s

Temp. (0. 
°C. io»/r

Specific 
resistance, 
ohm cm.

Specific
conductance,

millimho
cm.

. 25.00 3.356 9 .7 103
0 . 1 3.661 16.2 61.7

1 2 . 6 3.502 12.3 81.4
2 0 . 0 3.413 10.4 96.,
40.6 3.190 /  . 9 126.7

These data fall approximately upon a straight 
line when plotted as log k vs 103/  T . A least squares 
calculation (minimizing the squares of the log k 
residuals) shows the equation of the line to be

log k =  9.79 -  1.54 X  103/T  (1)
or

In k =  22.6 -  3.54 X  103/T  (2)
where

T  =  temperature in degrees Kelvin 
k =  conductance in millimho cm .-1

This equation yields a temperature coefficient of 
2% per degree centigrade near 25°.

Equation 2 may also be interpreted in terms of 
an enthalpy of activation for ionic migration. The 
calculated value of A H *  for ionic migration is 3.0 
kcal./mole. This conductivity-temperature re­
lation confirms the generally accepted view of 
nearly complete ionization of the sulfonated poly­
meric ion exchangers, otherwise, a temperature 
dependent ionization constant would lead to a 
higher apparent value of A H *  for ionic migration. 
The identity of the A k/A t coefficient of the mem­
brane with that of aqueous solutions also indicates 
that in H+ migration the polymer network is not 
activated when the ion migrates.

Effect of Solvation upon the Electrical Conduc­
tivity of Phenolic Ion-exchange Membranes.—The 
mechanism of ionic conduction of the H+ form of 
phenolic ion-exchange membranes is further eluci­
dated by their conductive properties in equilibrium 
partially non-aqueous solutions. The system eth­

(16) “ Handbook,”  30th Edition, Chemical Rubber Co., Cleveland,
Ohio, 1948, p. 1729.

ylene glycol-water was selected somewhat arbi­
trarily for this part of the investigation. Leached 
H+ membranes were equilibrated for at least 150 
hours in the selected solution of H20 in ethylene 
glycol. While the membranes swell approximately 
100% in water alone, the swelling in ethylene glycol 
is about 14% greater than this, and intermediate 
swellings are observed for the solutions. Because 
the swelling is so nearly constant the effect of the 
polymer network itself upon conductance is 
expected to remain roughly constant over the range 
of solvate composition.

Actual analysis for H20 in the polymer phase was 
not obtained in this work. However, the activity 
of H20 was calculated from the water analysis 
(Karl Fischer titration) in the solution, published 
vapor pressure data,17 and density data of Curme 
and Johnston18 for the water-ethylene glycol 
system. The H20 activity in the solution phase 
is, of course, equal to that in the membrane.

The following table presents the conductivity of 
the H+ membranes as a function of the solvate 
composition expressed in various ways.

T a b l e  VI
R e s i s t i v i t y  o p  H + P h e n o l i c  I o n - e x c h a n g e  M e m b r a n e s  
a s  a  F u n c t i o n  o p  S o l v a t i o n  a t  2 5 °  u s i n g  t h e  S o l v a t e

<

S ystem  H 20 - E t h y l e n e  G ly c o l  

R esis-
Composition of solvating soin. tivity

Conduc­
tivity 

of mem­
Concn. % Mole Activity of mem­ brane,
HsO,° H,0 fraction HjO brane, millimho

mg./ml. by wt. H,0 (0 H2 0 ) ohm cm. cm .” 1
98 8.9 0.252 0.200 335 2.98

200 19.2 .434 .372 150 6.7
310 28.5 .579 .51, 89.2 11.2
395 36.6 .665 .59, 58.5 17.1
997 100 1.000 1.00 
“ From Karl Fischer titration.

9.6 104

The conductivity k of the membranes is a strong 
function of the activity of water in the solvate 
solution and therefore also in the membrane. 
The logarithm of k is very nearly linear with an,o- 
This is true over the range of water activity from 
0.2 to 1.0. The best linear relation has been 
calculated by the method of least squares (mini­
mum of squares of log k residuals). This fine is 
expressed by the equations

log k — 0.0899 +  1.92001120 (3)
In k =  0.207 +  4.42oH,o (4)

The actual reason for this linearity of log k with 
dHjO is not obvious. It means that the free energy 
of activation of ionic migration decreases linearly 
with rising water activity. Further work at vary­
ing temperatures is needed to establish whether this 
is the effect of solvation upon A H *  or AST 0r both. 
However, if it is assumed that A S *  is constant, 
then it might be postulated that A H *  would be 
inversely proportional to the dielectric constant 
of the solvate since the migration of ions from the 
vicinity of one site to another in the polymer 
network requires separation of charges in a di-

(17) H. M. Trimble and W. Potts, Ind. Eng. Chem., 27, 66 (1935).
(18) G. O. Curme, Jr., and F. Johnston, “ Glycols,”  Reinhold Publ. 

Corp., New York, N. Y., 1952.
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electric medium and the well known rule of electro­
static forces would apply.

Equation 4 yields at <zh 2o  = 0 (pure glycol) the 
value In k = 0.207 and A H *  = 5.4 kcal./mole. 
This predicts the dielectric constant of ethylene 
glycol at 25° to be 43 using the above assumption 
while the measured value is 37.7. Such agreement 
as this is satisfactory in view of the crudeness of 
the assumptions. Further investigation to de­
termine the actual polymer phase composition (in 
terms of water content) and measurements of k at 
varying temperatures to separate out entropy 
effects are needed to determine whether A H *  ac­
tually inversely proportional to dielectric constant.

If the linearity of log k with csh2o observed is 
general to other solvating solutions, e.g., water

plus alcohols, this simple rule will permit data on 
the diffusion of ions in ion-exchange polymers in 
partially non-aqueous media to be extended with a 
minimum of experimental effort.

The present approach to the conductivity of a 
partially hydrated ion-exchange polymer may 
differ only formally from that of ion pair formation 
employed by Gregor19 and that of hydration shells 
employed by Glueckauf.20
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(19) H. P. Gregor, D. Nobel and M. H. Gottlieb, This Journal, 59, 
10 (1955).

(20) E. Glueckauf and G. P. Kitt, Proc. Roy. Soc. (London), A228, 
322 (1955).
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The viscosities of ten binary liquid systems have been determined as a function of composition and of temperature in the 
range 25 to 45°. The thermodynamics of these systems range from the ideal solution to partially miscible liquids. The free 
energy of mixing alone is insufficient thermodynamic information in attempting to correlate the thermodynamic behavior 
with the viscosity behavior of solutions. The volume change on mixing and the entropy of mixing each are related to sepa­
rate viscosity effects. Based upon the absolute reaction rate theory of Eyring these systems have been divided into three 
classes which differ in the dependence of the temperature coefficient of viscosity on temperature. It is found that as the 
temperature is decreased to approach the two liquid phase region of a mixture, the viscosity as a function of composition dis­
plays an abnormally high value. This effect is found at 22° above the critical unmixing temperature for the system com­
posed of isooctane and perfluoroheptane. This analysis shows that the enthalpy of activation for all solutions may be con­
sidered as essentially independent of temperature even though the temperature coefficient of viscosity varies with tempera­
ture.

Viscosities of liquid mixtures have been dis­
cussed by various authors.1-3 A familiar approach 
is the hypothesis that there is a direct correlation 
between the viscosity and the thermodynamic 
behavior of the solution.3 In this work it has been 
found that no simple relationship, such as that 
proposed by Grunberg3 and others,4 exists. It 
has been found to be insufficient to limit the ther­
modynamic considerations to the free energy of 
mixing (activity coefficients). The entropy of 
mixing is related to viscosity effects.

The ten binary systems studied in this work are 
listed in Table I in the order of increasing positive 
deviation from ideal behavior (positive free ener­
gies of mixing). The values B  in this table are 
those which appear in Hildebrand’s theory6 
( B  equals zero for an ideal solution and increases 
with larger deviations from the thermodynamic 
ideal solution behavior). Solutions of hydro­
carbons with fluorocarbons require special treat­
ment.6'7 It has been shown7 that the /Lvalues

(1) D. B. Macleod, Trans. Faraday Soc., 20, 348 (1924).
(2) F. W. Lima, J. Chem. Phys., 19, 137 (1951).
(3) L. Grunberg, Trans. Faraday Soc., 50, 1293 (1954).
(4) S. Glasstone, K. J. Laidler and H. Eyring, “ The Theory of 

Rate Processes,”  1st ed., McGraw-Hill Book Co., Inc., New York, 
N. Y ., 1941, p. 516.

(5) J. H. Hildebrand and R. L. Scott, “ Solubility of Nonelectro­
lytes,”  3rd ed., Reinhold Publ. Corp., New York. N. Y ., 1950. The 
activity coefficient of compound a =  B&'<f>b2/T.

(6) T. M. Reed, III, This Journal, 59, 425 (1955).
(7) L. C. Yen and T. M . Reed, III, Ind. Eng. Chem., in press (1958).

listed in Table II describe fairly accurately the 
activity coefficients in systems 1, 2, 3, 4.

Experimental
Densities were measured in calibrated pycnometers.8 

Precisions of ±0.00005 and ±0.0002 g. per milliliter were 
obtained for the ten- and one-milliliter pycnometers, re­
spectively.

Viscosity.— Cannon-Fenske9 viscometers were calibrated 
with a National Bureau of Standards oil and with pure 
toluene (properties identical to those in the literature10), 
at each temperature. Ubbelohde suspended level viscom­
eters9 calibrated by the Cannon Instrument Company 
were used for about 60% of the measurements and re­
produced the data obtained with the other viscometers.

Temperatures were read from thermometers or thermo­
couples calibrated with a National Bureau of Standards 
calibrated thermocouple having an accuracy of ±0 .0 1 °.

Vapor pressures were determined by boiling the liquid 
in a Cottrell apparatus under air pressure.

Gas-liquid chromatography was used for determinations 
of purity. The stationary media were those reported by 
Reed.11 12

Materials. Perfluoroheptane (C7F,6).—A fluorocarbon 
material (Minnesota Mining and Manufacturing Co. ma­
terial PM  3130) was distilled in a 60-plate column.19 The

(8) M. R. Lipkin, et al., Ind. Eng. Chem., Anal. Ed., 16, 55 (1944).
(9) ASTM Designation: D445-53T.
(10) Project 44 of the American Petroleum Institute at the Carnegie 

Institute of Technology.
(11) T. M. Reed, III, Anal. Chem., 30, 221 (1958).
(12) The distillation columns used in this work were packed with

1/i6-inch single-turn helices. It has been shown13 that such columns 
have about one-half as many theoretical plates when distilling fluoro­
carbons as when distilling hydrocarbons. The values quoted in this 
report for the number of theoretical plates apply when the columns are
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constant boiling center position, containing an impurity of 
1-2% , was azeotroped with re-heptane. The first material 
overhead was a perfluoroheptane-re-hept.ane azeotrope. 
The azeotrope mixture was separated at Dry Ice tempera­
ture and the final traces of re-heptane then removed from 
the fluorocarbon layer as the azeotrope. The residue was 
taken as pure C7F16.

Under high sensitivity on the vapor chromatograph 
this CVFie material showed a small shoulder on the back of 
the main peak. Since these two materials appear so close 
together, they appear to be two different CVFu isomers. 
This is further borne out by the nuclear magnetic resonance 
spectrum run on the C,Fn sample which showed the presence 
of (CFabCC structure in an amount no greater than 10%  
as a C7F16 isomer.14 The only other peaks in the n.m.r. 
spectrum were those for re-ObF«.

Perfluorocyclic Oxide (CsFi60 ) .—A constant boiling 
fraction of Minnesota Mining and Manufacturing Co. 
Fluorochemical 101 refluxing at 101° in a 60-plate column 
contained one major component (> 9 5 % ) and three minor 
components. This material was refluxed for a total of 140 
hours over two 80-gram charges of KOH, then washed, 
dried and simple distilled. Vapor chromatography still 
indicated three minor components. These impurities 
were removed as lower boiling azeotropes with n-heptane. 
The residue was cooled to Dry Ice temperature and the 
layers separated. The final traces of re-heptane were re­
moved as the azeotrope leaving a residue containing less than 
1% impurity. This residue was taken as the CSFi60  for 
the viscosity studies. CaFnO is a cyclic perfiuoro oxide of 
unknown structure. It is believed that the oxygen atom is 
in the ring, however.16

1,2-Dichlorohexafluorocyclopentene (CsCljF«) and 2,2,3- 
Trichloroheptafluorobutane (C4C13F7),— These materials were 
constant boiling fractions from the distillations, in a 60- 
plate column, of two crude materials obtained from the 
Hooker Electrochemical Company. Vapor chromatography 
indicated less than 0.5%  impurities in both materials.

»-Hexane (re,-C6H n).— Commercial grade hexane was 
washed with H2SO,, passed through silica gel and distilled 
in a 60-plate column. The fractions containing predomi­
nantly re-hexane were again washed with M.SO4  and azeo­
troped with excess ethanol in the 60-plate column. The 
azeotrope was washed with water, dried, and the remaining 
ethanol removed as the azeotrope in a 30-plate column. 
The re-hexane used in these studies was a constant boiling 
fraction from this distillation in which no impurities were 
indicated by vapor chromatography.

Isooctane (2,2,4-Trimethylpentane, i-C8Hig).— The iso- 
octane used in these studies was Phillips 99 mole %  mini­
mum grade. Vapor chromatograms of this material 
showed no impurities.

Results
The experimental viscosities are given in Figs. 1

distilling; hydrocarbons. When fractionating fluorocarbons, the 
number of theoretical plates actually operating should be one-half the 
value quoted.

(13) L. C. Yen, M. S. Thesis, University of Florida, 1957.
(14) Max Rogers, Department of Chemistry, Michigan State Uni­

versity, private communication.
(15) Minnesota Mining and Manufacturing Company.



60 T. M. R eed III and T. E. T aylor Vol. 63

Volume %  C8Fi60  at 25°.
Fig. 1.— C7Fle-C ,F 160.

through 10. This series of mixtures allows a 
systematic study of solutions varying from the 
ideal to those with large positive deviations in the 
activity coefficients. From Table III, it can be 
seen that the per cent, volume change on mixing 
increases steadily from a very small negative 
value through larger positive volume changes.

Vapor-liquid equilibrium data for systems71 and 
2 show that these components form solutions very 
close to ideal while system 3 is sufficiently non-ideal 
to form an azeotrope7 at atmospheric pressure. 
Vapor-liquid equilibrium data are not available 
for system 5, but for system 4 positive deviations 
from Raoults law are known.7 Systems 6 and 7 
are shown to be less ideal than those of the chloro- 
fluorocarbons with fluorocarbons by the R-values 
of Table II. (It is known that C4CI3F7 forms a 
minimum boiling azeotrope with n-heptane at 
atmospheric pressure.7) No thermodynamic data 
are available for system 8, but like all fluoro­
carbon-hydrocarbon solutions this one undoubtedly 
has large activity coefficients. No thermody­
namic data are available for system 9. The critical 
unmixing temperature was determined in this work 
as 26° at 27 mole % CsFi60.

For system 10, both vapor-liquid16 and liquid- 
liquid17 data are available. The critical unmixing 
temperature for this system has been observed 
variously at 23.7° in reference 17 (for n-CyFie) and 
at 23.65° in this work for the C7Fi6 material used. 
The dashed line on Fig. 10 is a portion of the ap­
proximate locus of the viscosities corresponding to 
the consolute curve. ¡i(, is the viscosity at the 
critical temperature of 23.65°.

The isotherms of viscosity versus composition
(16) C . M ueller and J. Lew is, J . Chem. Pht/8., 26, 286 (1957).
(17) J. H. Hildebrand, B . B . Fisher and H. A. Benesi, J . Am . Chem . 

Soo.,12. 4348 (1950).

Volume %  C.CflF, at 25°.
Fig. 2.— CsC12F6-C4C13F7.

are similar to those of system 9 near the unmixing 
curve. The viscosities of that system and those 
of systems 8 and 10 reveal that changes in the 
structure of the solution which ultimately produce 
separation into two equilibrium phases begin at 
temperatures at least 10° above the temperature 
at which two liquid phases are observed.

theoretical constant detg. activity coefficient in soln.
AE y molal energy of vaporization
AG* molal free energy of activation for viscous flow
A H *  molal enthalpy of activation for viscous flow
N  Avogadro’s number
R ideal gas law constant
T absolute temperature
V  molal volume
a distance through which shearing force acts
/  defined by equation 7
g(x) residual free energy of activation
h(x) residual enthalpy of activation.
h Planck’s constant
s(x) residual entropy of activation
x mole fraction in liquid
5 solubility parameter, (ABv/F)Vs
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<f> volume fraction
X distance between adjacent moving layers of molecules
at absolute viscosity
¡i kinematic viscosity
p liquid density
Subscripts
a pure compound
6 pure compound
0 value when effects of variation X/o are removed
s property of solution
v property associated with vol. change on mixing 
Superscript:
1 ideal solution

Fig. 3 — C4a 3F7-C 8F160 .

Discussion
Eyring’s rate process theory gives the absolute 

viscosity as

For ideal solutions in the thermodynamic sense it 
has been suggested4'1» that the viscosity be given
b y

In y/B ■ xa In t]& “b Xb In ijb (2 )

Since the volume of a solution varies with compo­
sition, a more reasonable relationship for ideal 
solutions might better be

In , . F .  =  x a In 7jaV & +  Xb In ijbFb (3)

A G *' is given by
(18) L. Grunberg and A. H. Nissan, Nature, 164, 799 (1949).

Fig. 4.— C5CI2F6—CsF^O.

Fig. 5.— C5C12F6-C 7F15.

Fig. 6 .— n-CüHu-CsClîF».

A Gt' =  Xa.ti.Ge.* +  XbAGb* (4)

For non-ideal solutions the free energy of activation 
differs from A G * ' by a term g (x) which is a func­
tion of concentration

A G.* -  A GÎ' +  g(x) 15)
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T a b l e  I I I

Voi. 
%  at 
25oa

Mole
%
a

Refrac.
index,

25°

Den­
sity,

p,
g./ml.
25°

— dp/ 
dT X 

1 0 *, 
g./ml. 
X °C

A V mixing, ml./mole 
25° 45°

System  1— <a) C 7F 16: (b )  c 8f 16o

1 0 . 0 0 10.45 1.2758 1.7605 2.60 - 0 . 0 2 0 — 0 .0d 3
2 0 . 20.79 1.2740 1.7571 2.63 .054 .057
30. 31.03 1.2721 1.7536 2.65 .074 .085
40. 41.18 1.2703 1.7500 2.67 .081 .098
50. 51.22 1.2686 1.7464 2.69 .088 . 1 1 1

60. 61.16 1.2669 1.7428 2.71 .094 . 1 2 2

70. 71.01 1.2652 1.7390 2.73 .075 ,.106
80. 80.77 1.2636 1.7352 2.75 .055 .077
90. 90.43 1.2618 1.7313 2.78 .023 .032

System  2— (a ) C 5C12F • :(b ) C 4C 13F 7

1 0 . 2 2 1 1 . 2 2 1.3521 1.7286 2 . 2 0 +  0 . 0 2 + 0 . 0 2

2 0 . 0 0 21.71 1.3535 1.7192 2 . 2 0 .03 .04
30.00 32.28 1.3549 1.7095 2 . 2 0 .05 .06
39.85 42.36 1.3563 1.7001 2 . 2 0 .04 .07
50.16 52.74 1.3580 1.6905 2 . 2 0 .03 .08
59 . 6 6 62.12 1.3594 1.6813 2 . 2 0 .05 .07
70.22 72.34 1.3611 1.6714 2 . 2 0 .03 .06
80.02 81.62 1.3626 1 . 6 o2 2 2 . 2 0 . 0 1 .05
89.92 90.81 1.3643 1.6527 2 . 2 0 . 0 2 .07

System  3 —i(a ) C 4C l3F 7 : ( b ) CgFieO
10.30 14.07 1.2841 1.7582 2.55 +0.41 + 0 .48
20.14 26.46 1.2908 1.7533 2.51 .69 .74
29.93 37.87 1.2977 1.7494 2.48 .83 .91
39.94 48.68 1.3046 1.7462 2.44 . 8 8 .96
49.77 58.57 1.3117 1.7437 2.40 1.09 1.17
59.98 68.14 1.3192 1.7416 2 36 0.77 0.83
70.01 76.91 1.3268 1.7400 2.32 . 65 .69
79.93 85.02 1.3345 1.7391 2.28 .46 .50
89.70 92.55 1.3423 1.7386 2.24 .25 . 27

System  4— (a ) C 5C12F 6 i (b ) C 8F 160

1 0 . 0 0 14.95 1.2851 1.7483 2.55 + 0 .46 + 0  51
2 0 28.35 1.2933 1.7339 2.52 .73 .82
30 40.41 1.3018 1.7204 2.49 . 8 6 .98
40 51.34 1.3107 1.7075 2.45 .92 1.05
50 61.28 1.3197 1.6955 2.40 . 8 8 1 . 0 0

60 70.36 1.3285 1.6839 2.37 .80 0.92
70 78.69 1.3374 1.6730 2.34 .65 .78
80 86.36 1.3466 1.6628 2.28 .45 .53
90 93.46 1.3560 1.6529 2.23 .23 .28

System  5—-(a ) C 5C l2F fi:(b ) C 7F\g

1 0 . 0 0 15.34 1.2697 1.7158 2.75 +0.41 + 0 .48
2 0 27.37 1.2798 1.7051 2.69 . 6 6 .76
30 39.24 1.2901 1.6956 2 . 6 8 .76 . 8 6

40 50.12 1.3005 1.6869 2.59 .76 .90
50 60.11 1.3111 1.6783 2.51 .76 .87
60 69.33 1.3217 1.6705 2.45 .67 .77
70 77 . 8 6 1.3326 1.6629 2.36 .56 .61
80 85.77 1.3435 1.6560 2.29 .40 dl
90 93.13 1.3545 1.6495 2 23 . 2 1 . 2 1

System  6 — (a ) « - O bH h : (b )  CsChFc
1 0 . 1 2 11.30 1.3648 1.5394 2  1 0 + 0 .38 +0.52
19.84 21.90 1.3642 1.4368 1.99 1.05 1.25
30.05 32.74 1.3640 1.3338 1.87 1.35 1.60
39.81 42.84 1.3640 1 2400 1.75 1 . 1 2 1.37
50.05 53.17 1.3645 1.1388 1.60 1 . 2 1 1.44
60.22 63.17 1.3652
70.08 72.63 l .3603 0.9422 1.35 1.23 1.52
80.31 82.21 1.3680 . 8435 1 . 2 0 0.98 1.24
90.00 91.07 1.3700 .7521 0 89 0.31 -0 .1 4

System  7— ( a ) C 5C12F 6 : ( b ) i '-CgHjg
1 0 . 0 0 1 1 . 0 1 1.3850 0.7803 0.96 + 0 . 6 6 + 0 .72
2 0 21.78 1.3816 0.8741 1.08 .91 .95
30 32.31 1.3787 0.9670 1.16 1.25 1 . 2 1

40 42.61 1.3761 1.0630 1.39 1.05 1.25
50 52.69 1.3737 1.1555 1.42 1.37 1.28
60 62.55 1.3715 1.2506 1 .51 1.31 1 . 1 2

70 72.21 1.3696 1.3470 1 . 6 6 1 . 1 1 0.94
80 81.67 1.3680 1.4464 1.80 0.61 .78
90 90.93 1.3667 1.5453 2.13 ..24 .47

System  8 — (a ) ¿-C 8H i8 : ( b )  C 8F i60
10.00 13.63 1.2850 1.6441 2.60 +  1.69 +  2.44
20 26.21 1.2931 1.5274 2.56 3.05 4.37
30 37.84 1.3019 1.4135 2.28 4.10 5.24
40 48.64 1.3120 1.3059 2.13 4 28 5.56
50 58.69 1.3233 1.1990 1.88 4.38 5.46
60 68.06 1.3350 1.0928 1.63 4.40 5.24
70 76.83 1.3473 0.9865 1.40 3.91 4.53
80 85.04 1.3601 .8875 1.11 3.11 3.16
90 92.75 1.3739 .7888 1.00 1.45 1.02

System  9— (a ) ?i-C 6H 14 : (b ) c 8f 16o

10.06 16.71 1.2823 1.6310 2.47 +  2.86 + 3 .23
20.00 30.93 1.2889 1.5225 2.38 2.65 3.26
29.96 43.41 1.2965 1.4085 2.28 3.14 4.00
40,03 54.49 Ì
50.15 64.32 [ Two liquid phases
60.16 73.03 J
70.35 80.96 1.3352 0.9643 1.55 3.08 3.92
80.04 87.79 1.3460 . 8596 1.30 2.78 3.33
89.74 94.01 1.3580 . 7603 1.10 1.52 1.84

System  1 0 -- ( a )  i-C 8H 18(b )C ,F 16

1 0 . 0 0 13.07 1.2671 1.6098 2.84 +  1 85 +  2.76
20 25.27 1.2785 1.4979 2.68 3 03 4.27
30 36.70 1.2900 1.3880 2.40 4 04 5.18
40 47.42 1.3025 1.2804 2.12 4 80 5.79
50 57.50 1.3155 1.1747 1.82 5 3G 6.08
60 66.99 1.3290 1.0735 1.62 5 40 5.92
70 75.94 1.3424 0.9770 1.37 4 20 4.59
80 84.40 1.3568 .8802 1.20 3.11 3.44
90 92.41 1.3719 .7841 1.00 1.69 1.83

“ A ssum ing no v o i. change on m ixing.

V olu m e %  i -C sH i8 a t  2 5 °.
F ig. 7.— C ,C l!F 6-t-C »H 13.

Equations 4 and 5 assume that \ / a  always equals 
unity.

The values of g (x) for the ten binary systems are 
shown in Figs. 11-20 for 25 and 45°. The vis­
cosity of system 1 is essentially ideal and g (x)  
has very small positive values (Fig. 11) correspond­
ing to the small negative volume changes on mix­
ing. System 2, which is also ideal thermody­
namically, is far from ideal in viscosities. Figure 
12 shows that g (x) has rather large negative values 
over the whole composition range. System 5, on 
the other hand is not ideal thermodynamically, but 
g(x) has relatively small negative values (Fig. 15). 
The fourth combination is illustrated by system 3 
which is far from ideal both in its viscosity be­
havior (Fig. 13) and in its thermodynamic be­
havior.
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Volume %  C8Fi60  at 25°. 
lig . 8. ¿-C8H,8-C 8Fi60.

Volume %  C8F160  at 25°.
Fig. 9.— n-C8H14-C 8F160.

System 4 (Fig. 14) is particularly interesting in 
that it displays large positive values for g (x) when 
all the other systems from 2 through 7 have nega­
tive values for g {x) . Every one of these six systems 
shows expansion on mixing.

It is immediately apparent that there is no simple 
correlation between non-ideal behavior in the 
thermodynamic sense and non-ideal behavior in 
the viscosities of solutions. At least two general

Volume %  i-C8H18 at 25°. 
Fig. 10.— ?-C8H18-C ,F 16.

0 40 80
Mole %  C8FI60. 

Fig. 11.— C7F16—C8F i80.

Mole %  C4CI3F7.
Fig. 12.— C5C12F6-C 4C13F7.

Mole %  C4C1:,F7.
Fig. ki. - c 4c i3f , - c 8f ,6o .
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Mole %  CsF.eO.
Fig. 14.— C6C12F6-C jF160 .

0 40 80
Mole %  C6C12F6. 

Fig. 15.— C5CI2F6-C 7F18.

Fig. 16.— a-C8Hi4—C8C12F8,

Mole %  i-CsHu,
Fig. 17.—¿-C8HI8-C 6C12F,

Mole %  C8F160.
Fig. 18.— j-CgHjs-CgFiiO.

effects may be singled out from these studies. 
The more obvious one is illustrated by systems 6 and 
7 (Figs. 16 and 17) where expansions on mixing 
are accompanied by decreases in the free energy of 
activation for viscous flow. In Fig. 21A we have 
plotted g ( x ) / R T  versus the total volume change on 
mixing for these systems at 25 and at 45°. The 
lowering in the viscosities of these solutions may

0 40 80
Mole %  C8F160.

Fig. 19.— re-CfiHH-CgFieO.

Mole %  i-C8H18.
Fig. 20.— t-C8Hi8-C7Fis.

be attributed directly and entirely to the expan­
sion on mixing.

The existence of a second effect in the viscosities 
is obvious from the plots of g {x) for systems 8, 9 
and 10 (Figs. 18-20.) In dilute solutions the 
expansion produces negative values for g (x ) . At 
intermediate compositions this expansion effect is 
superimposed on another one which produces an 
apparent rise in the free energy of activation cal­
culated by eq. 5. This effect is noticeable at 45°, 
some 21° above the maximum unmixing tempera­
ture for system 10. At 25° this second effect 
produces viscosities for these solutions which are
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greater than those expected on the basis of the 
ideal solution eq. 3. The volume changes on 
mixing for these solutions show no inflections cor­
responding to the curves for g (x ) . The predomi­
nance of this second effect in mixtures of system 4, 
where g (x) is always positive, is overwhelmingly 
large compared to the volume expansion effect. 
The fact that g (x) in system 5 has such small 
negative values out of proportion to the expan­
sion no doubt arises from the interplay of both 
effects in this solution. Systems 4 and 5 are simi­
lar to systems 1, 2, 3, 6 and 7 in that the thermo­
dynamic free energies of mixing are not sufficiently 
large to produce partial miscibility. Inasmuch as 
they show a dominating value for the second 
effect, these solutions are similar to those solutions 
(8, 9 and 10) which have large thermodynamic 
free energies of mixing. The conclusion to be 
drawn from these similarities and differences is 
that the second effect is associated with the ther­
modynamic entropy of mixing for the solutions. 
We will show that the positive part of g (x) may be 
accounted for by allowing A/a to be a variable in 
eq. 1.

The Factor A/a as a Variable.—A theoretical 
expression for the enthalpy of activation, A H * ,  
is obtained from eq. 1 as

AH* =  R d In vV 
d ( 1 /D

d In (X/a)
T o / tT

(6)

It is found for mixtures which obey the ideal law 
of eq. 4 that d  In T jV /d  ( l / ' T )  at each composition 
is constant. Furthermore, it is found for non­
ideal mixtures, in which g (x) shows no inflection 
point, that d In ?jV/d (1/T) is independent of tem­
perature. In systems 8, 9 and 10, however, where 
g(x) shows maxima and minima with respect to 
change in composition, d In )jF/d (1 / T )  varies with 
temperature in a manner illustrated by Fig. 22 for 
some data of system 10. The maximum unmixing 
temperature of 23.65° for this system occurs at
61.4 mole % isooctane (54 volume % at 25°). At 
27° R  d In ijF/d ( l / T )  is 4000 cal./mole and rises 
to 87,000 cal./moleat23.7°.

As an hypothesis we assume the schemes.
I. In pure liquids or in solutions where g(x) is 

zero or negative
A! — >- A* +  hole — >- A2 (I)

II. In liquids where g(x) has a positive part
A!» -— >■ nA* +  n holes -*■ A2n (II)

In I, Ai represents a molecule in position 1, and A2 
is the molecule displaced to position 2. In II, 
Ain represents n  molecules in some association. 
A2" represents the molecules displaced to new po­
sitions and included in a new group.

The enthalpy of activation A H *  per mole in a 
given liquid for process I and for process II are 
identical since the holes required possess the same 
properties in both processes. Thus, A H *  per mole 
will be a function only of composition in either 
process I or II. In the temperature region where 
the viscosity or g {x)  versus composition show the 
maxima, the excessively high temperature co­
efficient of viscosity above those values expected 
in the absence of the grouping effect must be exactly

A \
|\45°

25®y

XL \ X--
1 %

0 1 2 i-C8H18-C 6Cl2F6.
Vol. change on mixing, ml./mole.

Fig. 2IA.— CsCbFe-n-CsH».

0 1 2 3 4 5 6
Volume change on mixing, ml./mole.

Fig. 21B.— ¿-C8H18-C ,F 16.

Temp., °C.
Fig. 22.— ¿-C8H «-C jF i6 at 61.4 mole %  t-C8Hi8.
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compensated by the term —2R  b  In (X/a)/ 
d (1 / T )  in eq. 6. We are thus attributing a posi­
tive portion of the total g{x) to a change in cluster 
size with temperature. The shearing force acts 
on an area (X)2 which is larger when clusters are 
present than when they are absent. An alternate 
interpretation is to allow the heat capacity in the 
activated state to be much less than that in the 
normal state when clustering is involved. This 
leads to negative values for C p* for these data.

Classification of Solutions.—A more explicit 
form of eq. 5 may now be written, which includes 
values of X/a different from unity. gw{x) is that part
In ijsris/h N  =  AGt/RT +  In (X/a)82 =  za[AGt /RT +

In (X/a)»2] +  zb [AGi/RT +  In (X/a)b2] +
gv(x)/RT  +  In /  (5a)

of g {x) which arises from the change in volume 
on mixing, and

In /  = In (X/a)s2 — xa In (X /o)a2 — zb In (X /o)b2 (7) 
so that

g{x) = gv (z) +  RT In /  (8)
Equations 5a, 6, 7 and 8 are the basis for classifying 
the viscosity behavior of solutions:

1. For ideal solutions In /  = 0 and gv (x) = 
0 to give eq. 3. System 1 is the closest to this 
case.

2. When g (x) is not zero but [d In r j V / b  (1/ 
T )  ]x is independent of temperature, [d In (X/a)s/  
d (1 /T)~\x = 0 (eq. 6).19 Systems 2 through 7 fall 
in this class. Subclasses are those for which g {x) is 
positive (or small negative values), i .e . ,  f >  1 
when AF is positive (systems 4 and 5); and those 
for which g(x) is negative, e.g., either gv (x) is nega­
tive (positive AF) or /<1 or both (systems 2, 3, 6 
and 7, and also systems 8 and 10 at temperatures 
considerably above the unmixing temperature). 
Figure 17 shows further that g(x) for system 7 is 
independent of temperature. This means that

From eq. 8 and 9

Substituting in eq. 8
g {x )  = gv(z) + Ts,(x) = h v(x) (11)

Thus, even though In /  is not necessarily zero, 
g (x) in system 7 depends only upon the volume 
change effect.

3. A third type of mixture is the one in which 
g (x) is not zero and [d In r j V / b  ( 1 / T ) ] X is a function 
of temperature. Systems 8, 9 and 10 in the 
neighborhood of the two-liquid phase region fall in 
this class.

Treatment of Class 3 Solutions.—A l l *  may be 
evaluated at sufficiently high temperatures where 
[d In r ] V /d  (1/T)]* is a constant value independent 
of temperature. Alternately, A H *  may be eval­
uated from that of the pure compounds by as­
suming it linear in mole fraction. This latter 
method was used in these calculations as being 
sufficiently accurate, since h (x) was found not to be

(19) See, however, the discussion under treatments of class 2 and 
class 3 solutions regarding d In (\ / a ) / d  (1 / T ) .

greater than a few per cent, of the total ideal 
A H *  when d In rjF/d (1 / T )  was independent of the 
temperature. Then d In / / d ( 1 / T ) = 2d In 
(X/a)s/d (1 /T)20 may be evaluated from eq. 6 

R  d In f/à (1 /T) =  R ò In ^SF8/Ò (1 /71) -  AH* (6a) 
Between two temperatures 77 and T2 this becomes 

In M i  =  In M i  -  (A H*/R) [(1/77) -  (1/27)] (12)
where p. is the kinematic viscosity t]/p . This eq. 
gives the ratio of shape factors at tw'o temperatures. 
It is shown in Fig. 21A that gv ( x ) / R T  at two tem­
peratures, 25 and 45°, are essentially equal if the 
volume change on mixing is not very different at 
the two temperatures. Setting

gv(x)i/RTi =  gv(x)2/RT, 
and combining eq. 8 and 12 gives
g(x\/RT1 =  g(x)i/RT2  -  In /M i  +

(AH*/R) [(1/77) -  (1/27)] (13)

Referring now to Fig. 24 for system 10 and taking 
T i — 45° and T2 equal to the various tempera­
tures between 45° and the critical unmixing tem­
perature, we have computed g { x ) / R T  at 45° from 
g ( x ) / R T  at lower temperatures by means of eq. 13. 
It is obvious that the theory accounts for the dif­
ference in g { x ) / R T  between the lower temperatures 
and 45° since the calculated points shown in the 
figure coincide almost exactly with the experi­
mental curve at 45°. The dashed curve on Fig. 24 
is gv ( x ) / R T  at 45° estimated from the volume 
changes on mixing by means of the dashed line on 
Fig. 21b. We have also made the same computa­
tion for the 25°-curve of system 8 (Fig. 23).

The small magnitude of the variation in (X/a)B 
is illustrated by Table IV. An increase of about 
6% is sufficient to account for the greatest increase 
in viscosity at 25° above the value expected from 
the volume change effect.

T a b l e  IV
Mole fraction 2 In [/25//Ì6] fa/fa

System 8— C8F/60 with i-C8Hi8
C8Fi60
25 +0.0252 1.013
36 +  .0444 1.022
50 +  .0306 1.015
64 +  .0057 1.003
75 -  .0051 0.99

System 10—'i-CsH,8 with C7F16
¿-c sh 18
45 +0.0416 1.021
53.1 .0790 1.040
61 .1066 1.055
70 .0660 1.034
80 .0137 1.007

A value for the viscosity at the critical unmixing 
point ( T  = 23.65°, x  = 0.614 isooctane) for system 
10 has been estimated by extrapolating the values 
shown in Table V of In / t/ / 45° at this composition. 
The viscosity at the critical point is 0.645 centi- 
stoke. X/a at 23.65° and 0.614 mole fraction 
isoòctane is 15% larger than its value at 45°.

(20) ò In (A /a )/ò  ( 1 / T )  for the pure compounds is taken as zero since 
ò In r jV / d  ( 1 / T )  for the pure compounds is independent of tempera­
ture. See treatment of class 2 solutions.
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From the dashed curve on Fig. 24 a value fo r ///0 
at 45° may be estimated as 1.04 at 0.614 mole 
fraction isoôctane, so that f / f 0 at the critical un­
mixing point is approximately 1.19.

T a b l e  V
System  10 a t  th e  C ritical  C omposition, 61.4 M ole %

I s o ô c t a n e

r. °C. 2 In Ift/ju] fv/fu

23.65 (+ 0 .2614 ) 1.15
23.7 .2459 1.130
24 .1777 1.093
25 .1066 1.055
30 . 0461 1.023
45 0 1.00

Vapor-liquid equilibria of n-C7Fi6 with isooctane 
have been reported16 at the three temperatures 30, 
50 and 70°. The total excess free energy and 
entropy of mixing at these temperatures are posi­
tive. At the lower temperatures the excess en­
tropy as a function of composition resembles the 
negative of the curve for g(x) at 45° on Fig. 20. 
The increase in \ / a  with decrease in temperature is 
accompanied by an increase in order among the 
molecules in the solution. This conclusion is also 
obvious from the behavior of the heat capacity of 
this solution in the neighborhood of the critical 
unmixing temperature.21

Data22 for methanol-toluene solutions fall in 
this class and fit eq. 13. The maximum value for 
/ 25/ / 6C for this system is 1.03 and occurs at approxi­
mately 75 mole % methanol.

Treatment of Class 2 Solutions.—System 4 has 
small positive volume changes accompanying mix­
ing. Nevertheless g (x)  for this system is positive 
at all compositions (Fig. 14). The positive portion 
of g (x)  is far greater than the negative value of 
g„{x) in this system. If it be true in this case, as 
was suggested above for system 10, that large 
values of \ / a  (and consequently large values of f  
by eq. 7) mean abnormally low entropies of mixing, 
it should be expected that system 4 would exhibit 
negative excess entropies of mixing. The thermo­
dynamics of mixtures of CsF̂ O with CSC12F6 should 
be interesting in this respect.

We have postulated throughout that the enthalpy 
of activation is the same for a given mixture whether 
the process be I or II. By eq. 6 this hypothesis 
leads to

[d In (A/oh/d ( 1 / m  =  <7, (14)

as a characteristic of class 2 solutions. C x is a 
constant independent of temperature but a function 
of composition. In the treatment of classes 2 
and 3 we have taken C x arbitrarily as zero, when­
ever 5 In 7jV / d  (1 / T )  is independent of T . If C x 
is not zero, then the base A H *  appearing in eq. 12 is

(21) G. Jura, D. Fraga, G. Mika and J. H. Hildebrand, Proc. Natl. 
Acad. Sci., 39, 19 (1953).

(22) L. W. Hammond, K. S. Howard and R. A. McAllister, This 
Journal. 62, 637 (1958).

Mole * o CsFi60.
Fig. 23.—i-C«Hi8-C gFi60 :  points calculated by eq. 13 at 

45° from values at 25°.

Fig. 2 4 .- i-Cdi.s-C+'.e,

actually A H *  +  2R C X. The treatment, of class 
3 on this basis would not be altered.

Single Components.— It has been noted23 that 
the ratio of the energy of vaporization to R  d In 
j?/d (1 / T )  for fluorocarbons is about 2.5 whereas 
this ratio for hydrocarbons is about 4. If the 
enthalpy of activation defined by eq. 5a together 
with eq. 14 is used to compute A E ' / A H *  for hy­
drocarbons and fluorocarbons, a value around 4.5 
is obtained for both types of substances when 
C x is arbitrarily assigned zero for hydrocarbons and 
(1/4) [d lrn/F/d (1/77)] for fluorocarbons and chloro- 
fluorocarbons. The difference in the temperature 
coefficient of viscosity for these types of compounds 
may thus be accounted for by a dependence of the 
factor X/a on temperature which is different for 
hydrocarbons compared to fluorocarbons.
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DETERMINATION” OF THE SOLUBILITY OF OXYGEN BEARING 
IMPURITIES IN SODIUM, POTASSIUM AND THEIR ALLOYS1
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Current interest in liquid metals, particularly sodium, as heat transfer media has emphasized the need for basic informa­
tion on impurity solubility. Such data are important in the interpretation of corrosion and physical property experiments. 
The compounds resulting from partial oxidation of potassium and sodium metal have been isolated and identified as the 
respective monoxides. The equilibrium oxide in a sodium-potassium (NaK)-oxygen system is sodium monoxide. The 
various solubilities have been determined: sodium monoxide in sodium, potassium and NaK alloys; potassium monoxide 
in potassium; sodium hydroxide in sodium; mixed sodium hydroxide-sodium monoxide in sodium; and sodium carbonate 
in sodium. Positive errors in oxide content may result from failure to account for each species of impurity if separation 
and analysis of a sample depends solely upon total alkalinity calculation.

Introduction
The current interest in heat transfer media for 

high temperature exchangers has emphasized a need 
for basic information on a variety of low melting 
materials. Considerable interest has centered on 
sodium, potassium and their alloys usually referred 
to as NaK. One important area related to cor­
rosion and system plugging is the solubility of 
oxygen bearing compounds in these metals.

The initial phases of these studies were experi­
ments designed to establish the identity of the equi­
librium oxide in a system containing excess alkali 
metal. This information was important, inasmuch 
as the calculation in the method of sample analysis 
used2'3 was based on an assumption of the presence 
of monoxide only.

Experimental Equilibrium Studies.—The equilibrium 
studies were made by treating an excess of metal with dry 
oxygen, removing the excess metal and chemically analyz­
ing the residual oxides. Two apparatuses were used. 
They differed in that one allowed for filtration, following 
oxidation and prior to excess metal removal, thus establish­
ing the identity of soluble oxide as opposed to contained 
oxide.

The apparatus for contained oxide consisted of two 50-ml. 
Pyrex flasks joined by 10 mm. tubing and equipped with con­
nections to a dry oxygen source and a vacuum-inert gas 
manifold. After the apparatus was purged, 5 to 15 g. 
of metal or alloy was placed in one flask by a vacuum 
pipetting technique, dry oxygen was passed in slowly, and 
the assembly agitated. Excess metal was then vacuum 
distilled into the second flask, and the flasks separated by 
flame sealing. The first flask containing the oxide residue, 
was weighed, opened by cracking, and the residue dissolved 
in distilled water. After drying, the flask was reweighed, 
the difference from the original weight being equal to the 
oxide residue weight. In a like manner, the metal in the 
second flask was weighed, treated with methyl alcohol and 
analyzed by the procedure developed by Walters and 
Miller.4 5

The water solution of the oxide residue was titrated for 
total alkalinity and analyzed for sodium and potassium 
content by the mixed chloride, perchlorate method.6 The 
quantities of sodium and/or potassium thus obtained were 
calculated to corresponding weights of the various possible 
oxides (Na^O, NaafA, K 2O, K 2O2 and KO2). The oxide 
or combination of oxides whose weight or weights most 
nearly agreed with the original residue weight was assumed 
to be the equilibrium oxide at test conditions. The total 
alkalinity titrations provided an excellent check on the 
gravimetric results.

(1) These data are presented in part in NRL Reports 3856 (1951), 
3895 (1951) and Memo Report 424 (1955).

(2) L. P. Pepkowitz and W. C. Judd, Anal. Chem., 22, 1283 (1950).
(3) D. D. Williams and R. R. Miller, ibid., 23, 1865 (1951).
(4) S. L. Walters and R. R . Miller, ibid., 18, 658 (1946).
(5) W. F. Hillebrand and G. E. F. Lundell, "Applied Inorganic

Analysis,”  John Wiley and Sons, Inc., New York, N. Y., 1929.

A similar apparatus was used to identify the oxide or 
oxides in NaK alloys and potassium. The metal was dis­
tilled from one flask to a second flask and the pure material 
thus obtained was oxidized as before. This mixture was 
then heated to an arbitrarily chosen temperature of 250° 
and filtered into a third flask. The excess metal was again 
distilled into a fourth flask, and the various flasks separated 
by flame sealing. The residues and metal analyses were 
performed as described previously.

The data from these equilibrium oxide experiments are 
presented in Table I.

It is shown in Table I that calculation of the residue 
fractions as sodium and/or potassium monoxide closely 
approximates the original residue weights. While most of 
the data would indicate equilibrium at distillation tempera­
ture (250-350°), runs 7 and 8 were made at room tempera­
ture with excess metal removed by amalgamation. The 
residue analysis again indicates the lower oxide. Hence, 
it is reasonably assumed that, in an incompletely oxidized 
system, the monoxides are produced, and they are stable 
and somewhat soluble.

A very significant result of these experiments is shown 
by the data from runs 1, 3, 5 and 7, wherein oxidation was 
halted before all of the sodium metal in the NaK was con­
sumed. The residues from these runs contained no potas­
sium oxide. It must follow therefore that sodium is prefer­
entially removed as oxide from alloys containing even as 
much as 99.8% potassium (run 3). It is not inferred that 
sodium alone is initially oxidized, but rather that the equilib­
rium oxide in any NaK alloy is sodium monoxide.

The preferential removai of sodium from NaK alloys was 
studied further by a method involving stepwise oxidation 
with interposing alloy analyses by melting point deter­
mination.4 With subsequently determined solubility data, 
it became apparent that the error in analysis by the freezing 
point method without correction for freezing point lowering 
due to dissolved impurities, was less than the precision of the 
temperature determination.

The apparatus consisted of an equilibrium chamber 
equipped with a thermometer, oxygen reservoir of known 
volume and appropriate outlets for connection to a vacuum- 
inert gas manifold.

After purging the apparatus by evacuating and flushing 
with inert gas, a weighed quantity of NaK was introduced 
into the equilibrium chamber through the thermometer 
joint. The thermometer was then inserted and the alloy 
composition determined by the freezing point method. 
The chamber and reservoir were re-evacuated and the 
reservoir filled with dry oxygen to a pressure of one atmos­
phere. The NaK was heated to 70° and the oxygen bled in 
slowly. The apparatus was agitated vigorously, at tem­
perature, for 15 minutes. The freezing point of the remain­
ing alloy was again determined, followed by another oxygen 
addition. This cycle was repeated until the freezing point 
analysis indicated that only potassium metal remained. 
A second run was made exactly as above with the exception 
that oxidation occurred at 225° instead of 70°.

Each oxygen increment was equal to 43 9 cc. (STP ). 
This wras equivalent to 0.18 g. of sodium or 0.306 g. of 
potassium when reacting to form the monoxide. From 
these equivalents and from the weight of alloy originally 
added, the weight per cent, of potassium remaining in the
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T able I
. . . Residue analysis— T7 1 _A_i_

Run
/------- Metal compn., wt. % ——■—s
Before oxidn. After oxidn. wt.“ (g.)

Na as 
NaiO (g).

as
K*0 (g.) T otal

N a ió r *
wt. %

V‘ ‘ KjO, 
wt. %

l 92 .6%  K 94 .9%  K 0.1562 0.1552 0.0000 0.1512 99.9 0.1
2 95 .0%  K 100.0%  K .2605 .2387 .0226 .2613 91.1 8.9
34 96.0%  K 99 .8%  K .0055 .0056 .0000 .0056 99.9 0.1
4* 96 .0%  K 100.0%  K .3255 .0015 .3230 .3245 1.0 99.0
5” 95 .0%  K 99.5%  K .0035 .0035 .0000 .0015 100.0 0.0
6" 93 .0%  K 100.0%  K .0559 .0010 .0543 .0553 1.5 98.5
7 50 .0%  K 61.4%  K .1139 .1140 .0000 .1140
8 100.0% K 100.0%  K .0582 .0000 .0581 .0551 0.0 100.0
9 100.0% Na 100.0%  Na .1469 .1475 .0000 .1475 100.0 0.0

10 100.0% N a 100.0% Na .0941 .0938 .0000 .0918 100.0 0.0
° Corrected for Si02 from distillation and washing operations. 6 These analyses for that portion of the oxides soluble in 

excess metal at 250°.

alloy following any oxygen addition could be calculated, 
assuming only sodium monoxide was formed.

The data from the two runs are presented in Table II.

T able II
E q u il ib r iu m  in  t h e  NaK O x y g e n  Syste m

Run
O,

shot
Oï added 

(cc„ STP)
7.p.,

(°C .)“
Wt. % K 

in alloy 
(from f.p.)

Wt. % K 
in alloy 
(calcd.)8

0 0 30.9 91.5 91.5
1 1 43.9 38.1 93.4 93.4
70°, 15 min. 2 87.8 45.0 95.2 95.3

agitation 3 131.7 53.0 97.2 97.3
4 175.6 61.4 99.4 99.3
5 219.5 63.7 100.0 100.0
0 0 35.5 92.7 92.7

2 1 43.9 40.6 94.0 94.0
225°, 15 min. 2 87.8 46.5 95.6 95.6

agitation 3 131.7 52.7 97.2 97.3
4 175.6 60.5 99.2 99.1
5 219.5 63.7 100.0 100.0
6 263.4 63.7 100.0 100.0

“ Stem corrected. b Calcd. as if only sodium removed by 
oxidation.

It should be evident that if the oxidation of the NaK 
removed potassium only, the freezing point would have 
been lowered. Similarly, the removal of both sodium 
and potassium would have resulted in either a constant 
(stoichiometric oxidation) or an erratic and unpredictable 
(random oxidation) freezing point. As shown in Table II, 
however, calculation as if sodium only were removed results 
in excellent agreement between observed and calculated 
values. Since this preferential sodium removal occurs at 
potassium contents up to 99 +  % , it seems reasonable to 
assume that it would occur as readily with sodium-rich 
alloys.

It should be noted here that the presence of moisture 
would result in the formation of hydroxides of the alkali 
metals. Such a reaction would establish a different equilib­
rium which, from the data of Rinck,8 should result in the 
simultaneous removal of sodium and potassium as hydrox­
ides.

Solubility of Sodium Monoxide in Sodium, Potassium 
and NaK, and of Potassium Monoxide in Potassium.—
Having established the identity of the oxide species to be 
found under a given set of conditions, the solubility of that 
oxide in its respective medium could now be determined 
without having to rely upon assumed compounds and/or 
valences. Thus, the preceding equilibrium studies demon­
strate that only monoxides of sodium and potassium need 
be considered when studying oxide solubilities in the pure 
metals. Furthermore, they show that only sodium mon­
oxide need be studied in the case of NaK alloys. This latter 
fact indicates that sodium monoxide in potassium metal 
also should be studied.

The apparatus for determining the solubility of sodium

(6) E. Rinck, Ann. Chim., 18, 395 (1932).

monoxide in sodium and N sK  and of potassium monoxide 
in potassium is shown in Fig 1. It consists of an oxidation 
and saturation chamber (A), oxygen reservoir (B ), filter 
(D ), sample bulb (C ), thermocouple well, and appropriate 
connectors to a vacuum-inert gas manifold. For tempera­
tures above 400°, a stainless steel apparatus of similar 
constituent parts was used.

After purging the apparatus, approximately 2 g. of 
metal was pipetted into dum ber (A ) through joint (E ), 
nitrogen flow being maintained throughout this operation. 
Chamber (B ) was then fittel and the apparatus re-evacu­
ated. Reservoir (B) was filled to atmospheric pressure 
with dry oxygen which was then allowed to flow slowly into 
chamber (A). Sufficient oxygen was admitted to ensure a 
quantity of monoxide in excess of saturation, the filtration 
data in Table I having afforded an order of magnitude for 
this calculation. The apparatus then was rotated in such a 
manner as to bring the mesal and oxide onto filter (D ); 
the temperature was raised to the desired saturation level 
and held for 5 to 15 minutes. (For the small quantity ot 
metal involved and the low solubility, saturation was nearly 
instantaneous, soaking times of from 1 minute to 1 hour 
giving identical results.) At the end of the soaking period, 
a slight nitrogen pressure was admitted, forcing the now 
saturated metal into bulb (C). This bulb was removed 
by flame sealing at point (X ), and analyzed for oxygen 
content by the amalgamation procedure proposed by Pep- 
kowitz and Judd,2 but using the modified apparatus de­
veloped by the authors.8

For the study of the solibility of sodium monoxide in 
potassium metal, sodium monoxide of high purity was 
prepared by the high vacu«m, 400°, reaction of sodium 
hydroxide with sodium metal in a stainless steel vessel, 
followed by the distillation of excess sodium metal. The 
reaction, under dynamic vacuum, proceeds as

NaOH +  Na — >■ Na^O +  NaH (1)
NaH — >■ Na +  1/2 H2 (2)

The removal from the vessel and all subsequent handling 
of the Na20  was performed in a dry room. The material 
analyzed 98.2_% Na20  and 1.7% Na2C 03.

The solubility apparatus for sodium monoxide in potas­
sium was similar to that use! for sodium, except that pro­
vision was made for distilling potassium metal onto the 
filter, upon which had been placed the sodium monoxide. 
The remainder of the operation was identical with that 
previously described for the sodium oxide in sodium and 
NaK study.

The data from these solubility runs are shown in Fig. 2. 
The equation for the curve shown is
log (wt. %  sodium monoxide oxygen X  108) =

-0.0535 +  0.0035H
where t is C°.

This equation will determine a curve for sodium monoxide 
oxygen content of sodium, potassium and NaK from their 
melting points to 555, 310 anc 360°, respectively.

The NaK alloys used for the data in Fig. 2 ranged from 27 
to 86 wt. %  potassium with no deviation due to varying 
potassium content. This lack of deviation is in agreement 
with the sodium monoxide in pure metal data.

The data for the solubilhy of potassium monoxide in
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Fig. 1.— Oxide solubility apparatus (with oxygen reservoir).

0 100 200 300 400 500 600
Temp. (°C .).

Fig. 2.— Solubilities in Na, NaK and K : 1, N a,0 oxygen 
in Na; 2 X , NajO oxygen in NaK; 3 □, Na20  oxygen in K ; 
4 o-, NaOH oxygen in Na; 5 ®, NaOH-Na20  oxygen in Na 
(calcd. as NajO); 6 , Na^CO,- oxygen in Na.

0 100 200 300 400
Temp. (°C .).

Fig. 3.— K 20  solubility in K.
potassium is shown in Fig. 3. The equation for the curve 
shown is
wt. %  potassium monoxide oxygen =  0.0865 —

0.000609i +  0.0000077 If2
where t =  ° C. for the range 75-305°.

The relatively high solubility of potassium monoxide in 
potassium afforded an excellent opportunity to test the 
efficiency of vacuum distillation as a means of separating 
metal and oxide. Potassium metal, saturated with oxide 
at its melting point, was pipetted into a nickel still contain­
ing an amount of K.O equivalent to 5 wt. %  oxygen, and 
distilled under vacuum. The distillate was caught in three 
thin-walled glass ampules, which were sealed off and an­
alyzed for oxygen content. Less than 0.001 wt. %  oxygen 
was found in each of the three samples. Subsequent 
sodium runs gave similar data. Thus, it is evident that

vacuum distillation will effect essentially complete separa­
tion of sodium and potassium from their oxides.

The Solubility of Sodium Hydroxide in Sodium.— The 
possibility of atmospheric contamination in alkali metal 
systems poses the question of hydroxide as well as oxide 
solubility in the metals. This problem was studied by two 
methods: the solubility of pure sodium hydroxide and the 
solubility of mixed hydroxide-oxide. The latter study 
was made to determine whether there was interdependence 
of the solutes upon saturation.

The apparatus and method of operation used for these 
experiments were the same as previously described for 
sodium monoxide in potassium. Sodium was distilled onto 
pure sodium hydroxide, in the first case, and onto a mixture 
of sodium monoxide-hydroxide in the second. After 
saturation and filtration at temperature, the filtrate was 
analyzed for oxygen content by the amalgamation pro­
cedure.

In the case of pure hydroxide solubility, the alkalinity 
resulting from the residue hydrolysis during the analysis 
procedure was calculated on the basis of hydroxide oxygen 
content (equivalent wt. =  16) as opposed to monoxide 
oxygen content (equivalent wt. =  8). In the runs involving 
mixed oxide-hydroxide, the data were arbitrarily calculated 
as if present only as the monoxide.

The data from the hydroxide and mixed oxide runs are 
showm in Fig. 2. The equation for hydroxide oxygen con­
tent of sodium is
wt. %  hydroxide oxygen =  3.71 X  10-7 1'1

-  7.14 X 1 0 ^ i -  5.7 X  10 -4
where t is °C. for the range 100-350°.

The equation for mixed oxide-hydroxide oxygen content 
of sodium is
wt. %  0 2 =  2.03 X  10-7 i2 +  3.82 X  10~5i -  3.09 X H R3 
wdiere t is °C. for the range 100 to 410° and where the oxygen 
is present as both hydroxide and monoxide, but is calculated 
as if present as monoxide only.

An apparent anomaly in the hydroxide and hydroxide- 
oxide data in Fig. 2 results from the reporting of solubilities 
above the melting point of sodium hydroxide (320°). At 
this temperature, as has been stated and demonstrated,2-7 
hydroxide and sodium react to form monoxide, and/or 
hydride and hydrogen depending upon pressure conditions. 
If the technique of operation in solubility experiments is such 
that hydroxide saturation occurs under dynamic vacuum, 
and, if sufficient time is allowed for complete hydrogen 
removal, the hydroxide curve will break sharply downward 
at 320° to the monoxide curve. If, however, saturation 
occurs in a closed system of small volume, aloeit evacuated, 
the hydride formed by the Na-NaOH reaction will not com­
pletely dissociate; and some will be soluble in the filtered 
melt, giving high apparent oxide values.8 The latter 
system, static vacuum, was used for the data herein re­
ported, thus giving the data showm by the dotted extensions 
of curves 4 and 5 in Fig. 2. These points are included to 
demonstrate an error of data interpretation if the con­
taminant species is not definitely known.

If the hydroxide oxygen in sodium be recalculated as 
monoxide oxygen and added to the monoxide oxygen in 
sodium, one finds nearly perfect agreement with the mixed 
hydroxide-oxide curve. This demonstrates additive solu­
bilities and lack of solute interdependence.

It should be pointed out that the hvdroxide-oxide samples 
also contained sodium carbonate However, as the next 
section of this artist. demonstrates, this contributes a minor 
error when calculated as monoxide oxygen.

A. D . Bogard, formerly of this Laboratory, concurrently 
determined the solubility of mixed hydroxide-oxide in 
sodium by a radioactive technique, using Na24 as a tracer.9 
His results are in excellent agreement with the chemical 
data herein reported.

The Solubility of Sodium Carbonate in Sodium.— Al­
though available corrosion data indicate that sodium 
carbonate contributes little or nothing to total corrosion, 
its solubility was determined as a means of comparing 
apparent and true oxygen contents of sodium. That is, if a

(7) D. D. Williams, NRL Memo Report 33, June, 1951.
(8) D. D. Williams, J. A. Grand and R. R. Miller, T his Journal, 61, 

379 (1957).
(9; A. D. Bogard and D. D. Williams, NRL Report 3865, 1951.
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sample were saturated with oxide, hydroxide and carbonate, 
but calculated as if present as monoxide only (apparent 
oxygen content), it would be important to determine the 
magnitude of the difference between this value and that 
calculated from individual solubilities (true oxygen con­
tent).

The apparatus and method of operation were the same as 
for sodium monoxide in potassium and for sodium hydroxide 
in sodium. Thus, sodium metal was distilled onto dry, 
C .p . sodium carbonate, saturated and filtered at tempera­
ture, and analyzed by amalgamation. The residue from 
the amalgamation separation was titrated, using a double 
indicator end-point (phenolphthalein and methyl orange) 
to ensure that the measured alkalinity was present as 
carbonate only.

The data are shown in Fig. 2. The plot shows the 
solubility as oxygen content calculated from the sodium 
carbonate data (equivalent wt. O2 = 2 4 ).

Summary.— Coordinating the data in this paper, 
one finds relatively low solubilities of the various 
impurities in the alkali metals studied. Their sig­

nificance, at least with respect to oxide, has been 
demonstrated adequately by corrosion data.10

In the interest of accurate sample analysis, the 
effects of the various solubilities should not be ig­
nored. The magnitude of these effects will de­
pend almost entirely upon the history of individual 
samples. For example, sodium hydroxide can be 
eliminated from a sodium system by heating to 
350-400°; but, if this is not done under high vac­
uum, one of the reaction products is sodium hy­
dride which is soluble and stable at these and even 
higher temperatures.7 Therefore, while hydroxide 
has been eliminated, an even more soluble compo­
nent8 has been introduced, and the deviation from 
true oxygen content is still present.

(10) "Liquid Metals Handbook,”  2nd Ed., Navexos P-733 (Rev.), 
June, 1952.
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Methyl radicals were produced by photolysis of azomethane. Infrared analysis showed that in the presence of oxygen 
these radicals reacted to produce as major products, methanol and formic acid and as lesser products, formaldehyde, carbon 
monoxide and possibly dimethyl peroxide. Methyl hydroperoxide and peroxyformic acid were not detected. Experiments 
with additives and studies of the properties of possible intermediates also yielded data which were useful in determining 
the free radical reactions taking place. The important reactions appear to be: CH3 -|- 0 2 —  C lIsOO, CH30 0  +  0 2 —►  
CH30  +  Os, and CH30 +  CH30 —*• CH3OH +  H.CO; the formaldehyde is further oxidized to formic acid. The results also 
indicate that the reactions 2CH30 0  —*■ 20H30  r  0 2 and CHsOO +  RH —*■ CH 0 0 H T  R are probablv not important in this 
system.

I. Introduction
Although it has long been recognized that most 

gas phase reactions and many condensed phase 
reactions proceed via  mechanisms involving free 
radicals, knowledge of these mechanisms is still in 
an incomplete state. Recent attempts to explain 
the formation of ozone in polluted city air have 
shown that photochemical oxidations in particular 
need further study.

Reported herein are the results of an investiga­
tion on this subject involving the photo-oxidation 
of azomethane in an oxygen-rich system. The re­
action mechanism deduced is of a type not usually 
postulated, especially in that it involves ozone for­
mation.

II. Experimental Technique
(a) Apparatus.— Free radicals were generated photolyti- 

cafly in a 5-liter Pyrex flask. The light source was a 550- 
watt medium pressure Hanovia mercury arc. Its cooling 
jacket was built of Pyrex glass in the form of a Dewar flask 
with water flowing between the walls. The two layers of 
Pyrex glass absorbed practically all of the light of wave 
length shorter than 3130 A ., thus minimizing photolysis of 
reaction products and ensuring that no ozone was generated 
by direct photolysis of oxygen. The cooling jacket and arc 
were located in the center of the photolysis flask which was 
wrapped in aluminum foil and immersed in water. This ar­
rangement got a maximum of near ultraviolet light into the 
rectants. All photolyses reported in this paper were done 
at room temperature. The absorbed light intensity was such

(1) Presented in part before the Division of Physical Chemistry, 
133rd Meeting of the American Chemical Society, San Francisco, April, 
1958.

that the azomethane was 50%  decomposed in the apparatus 
in about 10 minutes. Pressures of reactants in the range of a 
few millimeters of mercury were measured on a manometer 
containing silicone vacuum pump oil. Higher pressures 
were measured on a mercury manometer. A reaction was 
started when the lighted arc was lowered into its place at the 
center of the 5-liter chamber and was ended when the arc 
was raised.

Analyses were made by means of infrared absorption spec­
troscopy using ten centimeter and one meter gas absorption 
cells on Perkin-Elmer Model 21 double beam spectrophotom­
eter. The photolysis products were either expanded into 
the absorption cell and then pressurized with extra oxygen 
until the total pressure in the cell was one atmosphere, or 
they were forced into the cell by air or oxygen in such a way 
that the total pressure of products in the cell reached one 
atmosphere. Measurements of concentrations of products 
were made by comparisons to reference spectra run on pure 
compounds under conditions of resolution, pressure broad­
ening, per cent, absorption, etc., as near as possible to those 
existing during the analysis. No major infrared bands re­
mained unidentified.

(b) Materials.— Azomethane (CH3—N = N — CH3) was 
prepared by the reduction of dimethylhydrazine with mer­
curic oxide according to the method of Renaud and Leitch.2 
An aqueous solution of dimethylhydrazine was prepared by 
the reaction of dimethylhydrazine dihydrochloride with an 
equivalent amount of sodium hydroxide in dilute solution; 
this was dropped slowly with stirring at room temperature 
into a suspension of excess mercuric oxide in water. The 
azomethane gas which issued from the mixture was collected 
in a trap immersed in Dry Ice and then dried by distillation 
to the storage vessel at reduced pressure.

Methyl hydroperoxide and dimethyl peroxide were pre­
pared by slowly dropping 40% aqueous potassium hydroxide 
into a stirred ice-cold mixture of dimethyl sulfate and 30% 
hydrogen peroxide. The dimethyl peroxide issued from the

(2) R. Renaud and L. C. Leitch, Can. J. Chem., 32, 545 (1954).
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T a b l e  I
P r o d u c t s  o r  t h e  P h o t o l y s i s  o f  A z o m e t h a n e  i n  O n e  A t m o s p h e r e  o f  O x y g e n - P h o t o l y z e d  1 0  M i n . w i t h  M e r c u r y  A r c

THROUGH PYREX
✓-----------------------------------------------------------------------Pressure (mm.)---------------------------------------------------— -----------------»

Initial azomethane 31.6 15.8 7.9 5.3
CH 3OH 8.30 5.00 2.80 1.95
HCOOH 7.26 5.28 2.97 1.91
CO 1.40 0 .7 0.5 0.3
CHaOOCH, small, if any small, if any small, if any small, if any
H C H O present, but less 

than 1.0
present, but less 

than 0.5
present, but less 

than 0.3
present, but less 

than 0.2
CH 3OOH less than 1.0, if any less than 0.5, if any less than 0.3, if any less than 0.15, if any
co2 less than 0.1, if any less than 0.05, if any less than 0.01, if any less than 0.01, if any
Peroxyformic acid less than 0.5, if any less than 0.3, if any less than 0.15. if anv less than 0.1, if any
Unreacted azometh­

ane
12.0 6.1 3.9 2.5

Total azomethane 
accounted for

21.0 11.9 7.2 4.7

mixture during reaction and was captured in a liquid nitrogen 
trap. The methyl hydroperoxide was extracted from the 
aqueous solution with ether and distilled.

Monomeric formaldehyde vapor was obtained by heating 
paraformaldehyde under vacuum. All other compounds 
were obtained from commercial sources.

III. Experimental Results
(a) The Final Products of the Oxidation of 

Methyl Radicals.—Methyl radicals were obtained 
by photolysis of azomethane. It has been demon­
strated that the only primary process is CH3N =  
NCH3 -f- hv -*■ 2CH3 +  N2, with a quantum effi­
ciency near unity.3’4 The products of some of the 
photolyses in oxygen are listed in Table I. It is to 
be noted that the major part of the azomethane is 
accounted for in the observed products, and that 
the fraction not accounted for becomes smaller as 
the azomethane concentration is reduced. Nitrous 
oxide is not a product under any of the conditions 
used in this work. Spectrum 1 is the infrared ab­
sorption spectrum of the products of the run which 
had an initial azomethane partial pressure of 5.3 
mm. It can be seen that methanol and formic 
acid predominate as products. The lack of for­
mation of methyl hydroperoxide is particularly 
significant, as will be discussed. Spectra 3 and 4 
of methyl hydroperoxide and dimethyl peroxide 
are shown for comparison. Spectrum 2 shows the 
results of the photolysis of 8 mm. of azomethane in 
one atmosphere of oxygen with 5.6 mm. of form­
aldehyde added. The purpose of the added form­
aldehyde was to provide additional easily ab­
stracted hydrogens so that methyl hydroperoxide 
might have a better chance to form. The resulting 
spectrum shows a complete lack of the character­
istic methyl hydroperoxide bands at about 12.2 n . 
It can be seen that at the same time the methanol 
and formic acid yields were large. An estimate of 
the limit of detectability of methyl hydroperoxide 
leads to the conclusion that the methanol yield ex­
ceeded the methyl hydroperoxide yield (if any) by 
at least a factor of 50.

(b) Tests for the Presence of Ozone during the
(3) M . H. Jones and E. W. R. Steacie, J. Chem. Phys., 21, 1018 

(1953).
(4) G. R. Hoey and K. O. Kutschke, Can. J. Chem.. 33, 496 (1955).

Oxidation of Methyl Radicals.—Table II shows the 
results of a test for the presence of ozone during the 
reaction by means of the additive tetramethyl- 
ethylene. The acetone is formed in the fast ozone- 
tetramethylethylene reaction, as is discussed in 
section (f) below. Spectrum 5 is the infrared 
spectrum of the products obtained in this experi­
ment. Acetone formation suggests the presence

T a b l e  II
T h e  E f f e c t  o f  A d d e d  T e t r a h e t h y l e t h y l e n e  o n  t h e  

P r o d u c t s  o f  P h o t o l y s i s  o f  A z o m e t h a n e  ( 2 . 4  m m . )  i n  
O x y g e n  ( 7 4 8  m m . )

Exposure time, 10 minutes.
Methyl Carbon Form-

alco- Formic mon- aide- Ace-
Compound formed hoi acid oxide hyde tone

Amount formed 
(mm. Hg) without 
added tetramethyl- 
ethylene 1.0 0.8 0.1 small none

Amount formed 
(mm. Hg) in the 
presence of 13.5 
mm. Hg of tetrame- 
thylethylene 1.0 0.35 none 0.8 0.7

of ozone as an intermediate, and the suppression of 
formic acid formation with the resulting accumula­
tion of formaldehyde indicates an important role 
for ozone in the formaldehyde oxidation. The use 
of isobutylene as an additive produced only traces 
of acetone, and did not change significantly the 
ratios of products formed. From a rough estimate 
of the rate of acetone formation and with the use of 
an approximate rate constant for the isobutylene- 
ozone reaction,5 it is estimated that the average 
steady state ozone concentration in a typical ex­
periment was on the order of 10-5 mm. of mercury. 
This is far below the limits of detection with the 
spectroscopic equipment used in this study.

(c) The Photooxidation of Formaldehyde Vapor. 
—It was shown that formaldehyde vapor (mono­
mer) is converted to formic acid under the condi­
tions of the experiments. Five minutes photolysis 
of 2.7 mm. of formaldehyde in one atmosphere of

(o) R. D. Cadle and P. L. Magill, “ Air Pollution Handbook,**
Section 3. McGraw-Hill Book Co., New York, N. Y ., 1956, pp. 3-21.
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Fig. 1.—Products of azomethane (5.3 mm.) photolyzed 10 min. in one atm. of oxygen (60 cm. of products plus 14 cm. of
added oxygen in a one meter cell).

Fig. 2.— Products of azomethane (8 mm.) plus formaldehyde (5.6 mm.) photolyzed 10 min. in one atm. of oxygen (58 cm.
of products plus 16 cm. Hg added oxygen in a one meter cell).

oxygen produced 0.9 mm. of formic acid and 0.1 
mm. of carbon monoxide with 1.4 mm. of form­
aldehyde remaining. Spectrum 6 shows these re­
sults.

(d) Some Properties of Dimethyl Peroxide.—
Dimethyl peroxide vapor was not decomposed by 
photolysis in oxygen under the conditions of these 
experiments. It was also thermally stable in 
oxygen at room temperature; however, it was de­
composed when moderately heated; its half-life is 
approximately 20 minutes at 147°. This thermal 
decomposition was studied in detail and will be re­
ported in a separate paper. The infrared spectrum 
of dimethyl peroxide (spectrum 4) has its strongest 
characteristic band in the same region as the strong­
est characteristic band of methanol. This inter­
ference can be removed to a certain extent by plac­
ing methanol in the reference cell; however, over­
compensation of the methanol can also obliterate 
the other bands. Therefore it is difficult to prove 
the presence or absence of a small amount of di­
methyl peroxide in the present work. It is ap­
parent that it is not a major product.

(e) Some Properties of Methyl Hydroperoxide. 
—Methyl hydroperoxide vapor was not decomposed 
when photolyzed in the apparatus in the presence 
of one atmosphere of oxygen. It is considerably 
more stable thermally than dimethyl peroxide, 
since several hours at 200° did not decompose a 
sample of it appreciably. Its infrared spectrum 
(spectrum 3) has characteristic bands in spectral 
regions where there is no interference from the ob­
served products. This is especially true of the 
band at about 12.2 fi. Methyl hydroperoxide can 
definitely be ruled out as major reaction product.

It should be mentioned that the collection of in­

frared spectra of organic peroxides presented by 
Minkoff6 appears to contain errors and is not very 
much help in the interpretation of gas-phase spec­
tra. This already has been pointed out in an 
article by Stephens, et al., with regard to the ali­
phatic peroxy acids,7 and it again appears to be the 
case with regard to the methyl hydroperoxide. 
The most prominent band in Minkoff’s methyl 
hydroperoxide spectrum occurs at about 8.9 m and 
is very likely due to ether impurity. It was found 
in the present work that it is extremely difficult to 
remove completely the ether by distillation. The 
ether contaminant was blanked out of spectrum 3 
by pure ether in the reference cell.

(f) The Behavior of Ozone in the System.—  
It was shown that ozone did not react thermally 
with azomethane under the conditions of these 
experiments. The ozone did disappear fast, how­
ever, when the ozone-oxygen-azomethane mixture 
was photolyzed. In a typical experiment several 
mm. of ozone were mixed with several mirf. of azo­
methane in one atmosphere of oxygen and the in­
frared spectrum was recorded at intervals of 5 or 
10 minutes. In the absence of irradiation there 
was no reaction, but when the arc was turned on 
the ozone disappeared within a few minutes.

Ozone was shown to react extremely fast with 
tetramethylethylene to produce acetone with 1 to 
1 stoichiometry according to the equation

O

0 3 +  (CH 3)2C = C (C IIs)5 — >- CHsdlCHj +  other products 

One mole of ozone reacts with one mole of tetra-
(6) G. J. Minkoff, Proc. Roy. Soc. {London), A224, 176 (1954).
(7) E. R. Stephens. P. L. Hanst and R. C. Doerr, Anal. Chem., 29, 

776 (1957).



74 Philip P. Hanst and Jack G. Calvert Voi. 63

Pig. 3.— Methyl hydroperoxide reference spectrum (6 mm. CH3OOH in one atm. of oxygen in a one meter cell). 
Fig. 4.— Dimethyl peroxide reference spectrum (2.5 mm. CH3OOCH3 in a one meter cell).

methylethylene to produce one mole of acetone. 
Ozonides do not form in the gas phase at room tem­
perature.89 The spectra showed that acetone was 
the only carbonyl compound formed in significant 
amounts. Thus the acetone carbonyl band at 5.8 
n as well as the characteristic acetone band at 8.2 
n can be used as a measure of the amount of ozone 
reacted.

IV. Conclusions and Discussion
(a) The Oxidation of Methyl Radicals.—Re­

actions 1, 2, 3. 4a, 4b, 4c, 4d and 5 comprise the 
mechanism of oxidation of methyl radicals indi­
cated by our results.

CH3 +  0 2 ( + M )  — > CH30 0 ( + M )  (1)
CHjOO +  O, — ► CH30  +  0 3 (2)

CH30  +  CH30  — > CH3OH +  HjCO (3)
H2CO +  R -----HCO +  RH (4a)

(R = C H sO, 0 3, O, etc.)
O

’  HCO +  0 2 — HCOO (4b)
o  o
II IIHCOO +  0 2 — >- HCO +  0 3 (4c)

O O
II II

HCO +  H2CO — > HCOH +  HCO (4d)
0 3 +  R  — >- RO +  0 2 (5)

Reactions 6 and 7 do not appear to take place un­
der the conditions of our experiments.

CH30 0  +  RH — > CHsOOH +  R  (6) 
CH30 0  +  CH30 0  — > 2CH30  +  0 2 (7)

(8) R. Criegee, A. Kerckow and H. Zinke, Ber., 88, 1878 (1955).
(8) W. E. Scott, E. R. Stephens, P. L. Hanst and R. C. Doerr, a

paper presented at the 22nd Midyear Meeting of the American Petro­
leum Institute’s Division of Refining, Philadelphia, Pa., May 14, 1957.

It will be convenient to consider the evidence 
concerning the various reactions in the order (1),
(3), (6), (7), (2), (4a, b, c, d) and (5).

Reaction (1): CH3 +  0 2 (+M ) -> CH30 2 (+M ). 
—-A number of investigators have presented evi­
dence that reaction 1 is the initial reaction of 
methyl radicals in the presence of oxygen.4-* 8 * 10 
There appears to be no good reason to suspect any­
thing else.

Reaction (3): CH30  +  CH30  -»  CH3OH +  
H2CO.—The formation of methanol seems to re­
quire the presence of methoxy radicals which ab­
stract hydrogen from some other molecule or radi­
cal. Raley, et al., invoke reaction (3) to explain 
this methanol formation.11 Hoey and Kutschke 
also present evidence for reaction 3.4 The near 
equivalence of the yields of methanol and formic 
acid in the present work makes reaction 3 seem 
probable, since the formic acid undoubtedly results 
from the oxidation of formaldehyde as shown in 
equations (4a, b, c, d) and discussed below.

Reaction (6): CH3OQ +  RH —> CH3OOH +  R 
(where RH may be CH30).—If CH300 were 
present in the system with a lifetime comparable 
to the lifetime of CH30, it seems likely that it 
would react in accordance with reaction 6, which is 
analogous to reaction 3. Walsh12 and many other 
investigators have presented evidence for reactions 
like (6). Hanst, et al., have shown that peroxy 
acids are produced in the oxidation of higher alde­
hydes at room temperature, but are not produced 
in the oxidation of formaldehyde.13 Thus there

(10) D. E. Hoare and A. D. Walsh, Trans. Faraday Soc., 53, 1102
(1957).

(11) J. H. Raley, L. M. Porter, F. F. Rust and W. E. Vaughan, 
J. Am. Chem. Soc., 73, 15 (1951).

(12) A. D. Walsh, Trans. Faraday Soc., 42, 269 (1946).
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Fig. 5.— Products of azomethane (2.4 mm.) plus tetramethylethvlene (13.5 mm.) photolyzed 10 min. in one atm. of oxygen
(one atm. in a one meter cell).

Fig. 6.— Products of formaldehyde (2.7 mm.) photolyzed 5 min. in one atm. of oxygen (one atm. in a one meter cell).

is ample reason to believe that reaction 6 ought to 
take place. However, the fact that no methyl 
hydroperoxide is observed as product in our system 
indicates that it is unimportant here. It must be 
concluded, therefore, that CH30 0  has a consider­
ably shorter lifetime in the system than CH30. 
There must be a reaction which consumes CH30 0  
very fast and yields CH30 .H

Reaction (7): 2CH;0 0  —► 2CH30  +  C h .- 
Bell, et al., have presented three alternative schemes 
of converting alkyl peroxv radicals, ROO, to alkoxy 
radicals, RO.16 They are

A
ROO +  RH — ^ ROOH +  R ; R O O H -----RO +  OH

A
ROO +  R — > ROOR; ROOR — *- 2RO 

2R O O ---- >- 2RO +  0 2

None of these reactions appears to have taken 
place to any great extent in the system we have 
studied. The first two of them involving thermal 
decomposition of intermediate peroxides must be 
rejected because we have demonstrated that the 
peroxides are stable under the conditions of our 
experiments. The third, which is our reaction 7, 
does not seem likely to us for two reasons. First, 
it appears that if CH30 0  had a long enough life-

(13) P. L. Hanst. E. R. Stephens and W. E. Scott, Ptoc. Am. Petrol. 
Inst., [I ll] 35, 175 (1955).

(14) The unimportance of the alternative mechanism of methanol 
and formaldehyde formation through the direct interaction of per- 
oxymethyl radicals, 2 CH3O2 —*■ CH2O +  CH3OH +  O2 (see G. A. 
Russell, J. Am. Chem. Soc., 79, 3871 (1957)) seems likely in view of the 
evidence herein presented for the formation of the intermediate ozone 
and the occurrence of reaction (2).

(15) E. R. Bell, J. H. Raley, F. F. Rust, F. H. Seubold and W. E. 
Vaughan, Disc. Faraday Soc., 10, 242 (1951).

time in the system to undergo radical-radical reac­
tions as in (7), it ought to also abstract hydrogen 
in a reaction analogous to the hydrogen abstraction 
by methoxy radicals, reaction 3. The fact is that 
it does not. Second, and even more important, is 
that the demonstration that substantial quantities 
of ozone are formed during the photooxidation 
requires the importance of reaction 2. The pos­
sible reaction CH3 +  CH300 CH30 +  CH30 
must also be ruled out because the complete lack of 
methane and ethane formation shows that CII3 has 
an extremely short lifetime; that is, it undergoes 
reaction (1) to the exclusion of all others in this 
system.

Reaction (2) * CH30 0  -t- 0 3 — CH30  -|- 0$.—
The evidence in support of reaction 2 is, in our 
opinion, the most important result of this work. 
It is a reaction not often postulated in oxidation 
mechanisms, although it has been considered as a 
possible reaction in “smog” by many different in­
vestigators. Probably the main reason for the ap­
parent disregard of reaction 2 in oxidation studies 
is the transient nature of the ozone which is formed. 
It is difficult to identify the ozone in a system con­
taining free radicals and other active molecular 
species because it is quickly consumed in reactions 
of the type of reaction 5.

An approximate calculation of the enthalpy 
change of reaction 2, gives +6.3 kcal./mole,16 
which, if correct, is consistent with the importance

(16) The standard enthalpy of formation of ozone is taken as + 34 
kcal./mole (“ Selected Values of Chemical Thermodynamic Proper­
ties,”  Circular of the National Bureau of Standards, 500); it is as­
sumed that the 0 - 0  bond dissociation energy in CH3OO is the same as 
in diethyl peroxide, namely, 31.5 kcal./mole (R. E. Rebbert and K. J. 
Laidler J. Chem. Phys., 20, 574 (1952)).
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of this reaction. In this calculation it is assumed 
that the possible stabilization of the CH3O2  by a 
three electron bond in the radical is unimportant, 
presumably as a consequence of the dissimilarity 
in the two oxygen atoms. If this assumption is 
incorrect, then reaction 1  will be more exothermic 
and reaction 2  more endothermic, such that the 
relation AH 2 ~  1.5 — A H i  is satisfied. 17 If this is 
the case then the demonstrated rapidity of reac­
tion 2  must be explained in terms of a reaction be­
tween newly-formed, vibrationally excited CH30 2 

radicals and oxygen. This mechanism is consist­
ent with the Hoare and Walsh three body mech­
anism for reaction l . 10

This idea of a “hot” peroxy radical could explain 
the observation of Hanst, et a l . , 13 that in the room 
temperature oxidation of a series of aldehydes in 
air, the amount of peroxy acid increased as the 
hydrocarbon chain was lengthened. The explana­
tion would be as follows. In the case of formalde­
hyde (where no peroxy acid was formed), the radi-

0

cals HCOO reacted quickly to produce ozone as in 
our reaction 2. In the case of the higher aldehydes, 
the excess energy was absorbed in molecular vibra­
tions in the hydrocarbon chain so that the prob­
ability of reaction 2  was reduced, and it was super­
seded by peroxy acid production analogous to our 
reaction 6 .

Haagen-Smit, e t  a l . , brought consideration of 
reaction 2  to the fore several years ago in their in­
vestigations on “smog. ” 18 By a sensitive analyti­
cal technique which made use of the fact that ex­
tremely low concentrations of ozone will crack 
stretched rubber, they showed that the photolysis 
of hydrocarbon-N0 2-air mixtures, organic nitrites 
in air without N 02, diacetyl in air without N 02, and 
pyruvic acid in air without N 0 2 all produced ozone. 
Stephens, e t  a l . , have demonstrated spectroscopi­
cally the formation of ozone in these photooxida­
tions. 9 - 1 9 - 2 0 Taylor and Blacet have suggested two 
alternative reactions to explain ozone formation in 
diacetyl photolysis. 2 1

Thus previous results have indicated that an 
ozone forming step is likely in methyl radical oxida­
tion. Whether it -was a major reaction or only a 
side reaction remained unresolved. Consideration 
of the products of our azomethane photooxidation 
apparently requires that it be a major reaction. 
This follows from our previous discussion. Since 
the evidence for reaction 1  which produces CH3OO 
is very strong, and since the evidence for reaction 
3 which consumes CH30  is also very strong, there 
must be a reaction converting CH30 0  to CH30. 
Our rejection of reaction 7 and the Russell mech­

(1 7 )  C a lc u la t e d  a s s u m in g  A £ P ( C H ;0 )  *  — 0 .5  k c a l . /m o le  (P . 
G r a y , T ra n e . F a ra d a y  S o c .,  51, 1 36 7  ( 1 9 5 5 ) ) ;  A f f ° ( C H , )  =  3 2 .0  k c a l . /  
m o le  (W .  M .  D .  B r y a n t ,  J . P o ly m e r  S e t . ,  6 , 3 5 9  (1 9 5 1 ) ) .

(1 8 )  A . J . H a a g e n -S m ith , C . E . B r a d le y  a n d  M .  M .  F o x ,  I n d . E n g . 
C h em ., 45, 2 0 8 6  (1 9 5 3 ) .

(1 9 )  E . R .  S te p h e n s , P .  L ,  H a n s t , R .  C .  D o e r r  a n d  W . E . S c o t t ,  
ib id . , 48, 1498 (1 9 5 6 ) .

(2 0 )  E . R .  S te p h e n s , W . E .  S c o t t ,  P .  L . H a n s t  a n d  R .  C . D o e r r ,  
P r o c .  A m . P e tr o l .  I n s t . ,  S e c . I l l ,  3 6 ,  2 8 8  (1 9 5 6 ).

(2 1 )  R .  P .  T a y lo r  a n d  F . E . B la c e t ,  I n d . E n g . C h em ., 4 8 , 1505
(1 9 5 6 ) .

anism1 4 of product formation left reaction 2  as the 
only obvious possibility.

The general evidence for (2) was good, but since 
the reaction is rather unconventional and rarely 
considered in oxidation mechanisms, an experimen­
tal detection of the intermediate ozone in our sys­
tem was imperative. Since the steady state con­
centration of ozone was below the detection limit 
of our spectroscopic equipment, an indirect method 
of identification had to be used. Therefore the 
experiment with added tetramethylethylene was 
conducted. The results of this test discussed 
previously and shown in Table II and Spectrum 5 
confirmed our expectations. That is, acetone for­
mation indicated that ozone was reacting with 
tetramethylethylene. It seems unlikely to us that 
the interaction of peroxymethyl radicals with tetra­
methylethylene would lead to a significant amount 
of acetone, although this possibility cannot be ex­
cluded unambiguously. Since the methanol yield 
is not lowered by tetramethylethylene addition, 
presumably the interaction of the CH30 2 with the 
olefin would be one of O-atom transfer to the 
double bond. Cvetanovic2 2  reports that the reac­
tion of oxygen atoms (generated by the Hg-photo- 
sensitized decomposition of N20) with tetramethyl­
ethylene yields about equal quantities of the epox­
ide of tetramethylethylene and pinacolone; ace­
tone is not reported as a product. 2 8  Thus we inter­
pret the data as indicating that the tetramethyl­
ethylene reacted with an amount of ozone equiva­
lent to 70% of the methanol yield. While the 
methanol yield was not reduced by the olefin, the 
formic acid yield was decreased as formaldehyde 
became a major product. A rough estimate 
showed the average steady-state ozone concentra­
tion in a typical experiment to be on the order of 
10~ 6 mm. Long-path infrared techniques are be­
ing applied to the analysis for the intermediate 
ozone in continuing experiments in this Labora­
tory. Preliminary results with a 40-meter path 
length cell substantiate ozone formation in this 
system.

Reactions (4a, b, c, d).—Reactions (4a, b, c, d) 
constitute a path from the intermediate formalde­
hyde to the final product formic acid. The four 
together constitute a chain reaction. This is a 
secondary series of reactions in the photooxidation 
of azomethane, and the demonstration that under 
the experimental conditions employed formalde­
hyde is converted to formic acid would be sufficient 
for our main purpose without the steps in the con­
version being listed. However, since we interpret 
the results embodied in equations 1, 2 and 3 as hav­
ing a somewhat general significance, we have ap­
plied them in reactions (4a, b, c, d). Many of the 
arguments used to establish reactions 1, 2 and 3 can 
also be used in favor of reactions 4b, 4c and 4d. 
For example, the fact that formic acid but no 
peroxyformic acid is produced indicates that the

(2 2 )  R .  J . C v e t a n o v ic ,  C a n . J . C h em .,  36, 6 2 3  (1 9 5 8 ) .
(2 3 )  W h e n  m o le c u la r  o x y g e n  is  a d d e d  t o  o l e f in -N 2 0  s y s te m s  a n d  H g -  

p h o t o s e n s it iz a t io n  is  e f fe c t e d ,  th e n  k e t o n e s  a n d  a ld e h y d e s  b e c o m e  
m a jo r  p r o d u c t s ;  e .g . ,  i s o b u te n e  g iv e s  a c e t o n e .  O f  c o u r s e  in  th is  c a s e  
th e  r e a c t io n  O  +  O s - J - M —► 0 « - | - M  m a y  c o m p e t e  w ith  th e  O -a t o m  
a d d it io n  t o  th e  d o u b le  b o n d ,  a n d  th e  o z o n e  so  f o r m e d  m a y  r e a c t  w ith  
t h e  o le fin  in  th e  u su a l fa s h io n  t o  g iv e  th e  c a r b o n y l  c o m p o u n d s .
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radical HCOO is quickly converted to HCO, just 
as the non-formation of methyl hydroperoxide indi­
cated a quick conversion of CH30 0  to CH30. 
The actual system is undoubtedly more complicated 
than shown; for example, no reactions producing 
CO are shown, and no chain terminating reactions 
are shown. Nevertheless we believe that the main 
reactions are the ones indicated. The initiating 
reaction 4a is purposely stated vaguely. Ozone 
apparently is involved in some fashion since the 
presence of tetramethylethylene suppressed reac­
tions (4a, b, c, d). Reaction 4b is the analog of
(1); (4c) is the analog of (2) and (4d) is the chain 
continuing step.

Reaction (5): R +  0 3 RO +  0 2.—Reac­
tions such as (5) which consume ozone are obviously 
required by the fact that the ozone is only an 
intermediate and not a stable final product and by 
the fact that ozone mixed with azomethane disap­
pears when irradiated. One specific reaction which 
may use up some of the ozone is (4a), since the re­
moval of ozone by tetramethylethylene inhibited 
the series (4a, b, c, d). It was shown in this work 
by the photolysis of known azomethane-oxygen- 
ozone mixtures that even at small concentrations of 
ozone, reaction 5 can compete successfully with

reactions 1 and 4b. The reason for the great differ­
ence in the rates probably lies in the fact that (5), 
by virtue of being two-body, will be many times 
faster than three-body reactions like (1) and (4b);
(5) competing with (1) and (4b) would not only 
consume ozone but would at the same time reduce 
the over-all ozone yield. The system may adjust 
itself to a competition between the pair of reactions 

R +  O j( + M ) — >  ROO (+ M ) (1)
R 02 +  0 2 — >- RO +  0 3 (2)

and the reaction
R +  0 , —  RO +  Oj (5)

Such a competition would be in accord with the 
fact that when the reactant concentration is re­
duced to very low values such as exist in polluted 
air, the ozone concentration attains values com­
parable to or larger than the hydrocarbon concen­
tration. Under those conditions the ozone con­
centration is very low compared to the oxygen con­
centration (even though high compared to the 
hydrocarbon concentration) and reaction 5 is 
much slowed down while reactions 1 and 2 are not.
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knowledge the support of this work by the Public 
Health Service, National Institutes of Health, 
Bethesda, Maryland.

ANION-EXCHANGE STUDIES. XXV. THE RARE EARTHS IN NITRATE
SOLUTIONS1

By Y. M arcus2 and Frederick N elson
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R ece iv ed  J u ly  1 7 , 1 9 6 8

Adsorbabiiities of several rare earths—La, Ce, Pr, Nd, Pm, Sm, Eu, T b and Yb—in slightly acidified lithium nitrate 
solutions have been investigated with a strong base anion-exchange resin. Adsorbabiiities increase with increasing lithium 
nitrate concentration, and the lighter rare earths are more strongly adsorbed than the heavier. Sufficient differences in 
adsorbabiiities were found to permit separation of the lighter rare earths with relatively short columns.

Most ion-exchange separations of rare earth 
elements have been based on the use of cation ex­
changers with eluents containing organic complex- 
ing agents. Some separations involving anion ex­
change and organic eluents have been reported,3 
and more recently attention has turned toward pos­
sible utilization of anion exchangers with inorganic 
eluents. While the rare earths are not appreciably 
adsorbed from the common mineral acids HC1, 
HN03 and H2S04, adsorption from slightly acidified 
nitrate solutions has been reported.4 Thus a typi­
cal rare earth, Eu(III), is adsorbed sufficiently from 
concentrated ammonium nitrate solutions to permit 
its separation from non-adsorbable elements. With

(1 ) T h is  d o c u m e n t  is  b a s e d  o n  w o r k  p e r fo r m e d  f o r  th e  U . S. A t o m ic  
E n e r g y  C o m m is s io n  a t  th e  O a k  R id g e  N a t io n a l  L a b o r a t o r y ,  o p e r a te d  
b y  U n io n  C a r b id e  C o r p o r a t io n .

(2 ) V is it in g  S c ie n t is t , 1 9 5 8 , o n  le a v e  f r o m  th e  I s ra e l A t o m ic  E n e r g y  
C o m m is s io n , P o s t  O ff ic e  B o x  7 0 5 6 , H a k iry a h , T e l  A v iv ,  Isra e l.

(3 ) E . H .  H u ffm a n  a n d  R .  L . O sw a lt , J . A m . C h em . S o c .,  72 , 3 3 2 3
(1 9 5 0 ).

(4 ) K . A .  K ra u s  a n d  F . N e ls o n , “ S y m p o s iu m  o n  I o n  E x c h a n g e  a n d  
C h r o m a t o g r a p h y  in  A n a ly t ic a l  C h e m is t r y ,”  A m . S o c .  f o r  T e s t in g  
M a te r ia ls , S p e c ia l  P u b lic a t io n  N o .  195  (J u n e , 1 9 5 6 ).

other nitrates, e .g . , LiNOs, considerable enhance­
ment of adsorbability occurs.5

Surls and Choppin6 have shown that lanthanides 
and actinides may be separated with strongly basic 
anion exchangers in thiocyanate solutions. Ad­
sorption of a rare earth-like element, Y(III), from 
dilute ammonium sulfate and sodium carbonate 
solutions has been reported7 as well as adsorption of 
a number of rare earths from sulfite solutions.8

On the basis of these observations it appeared of 
interest to investigate further the possibilities of 
utilizing anion exchangers for rare earth separations. 
Adsorption from sulfite solutions was confirmed and 
distribution coefficients were found to increase 
with sulfite concentration and pH. The rare earths 
were also found to adsorb from dilute nitrite, thio­
sulfate and sulfate solutions with adsorbability de­
creasing with increasing electrolyte concentration.

(5 )  J . D a n n o n , p r iv a t e  c o m m u n ic a t io n .
(6 )  J . P .  S u rls , J r .,  a n d  G . R .  C h o p p in ,  J . I n o r g .  N u c lea r  C h em ., 4 , 

6 2  (1 9 5 7 ) .
(7 )  N . S a ito  a n d  T .  S e k in e , N a tu re ,  1 8 0 , 7 5 3  (1 9 5 7 ) .
(8 )  R .  C .  V ic k e r y ,  J . C h em . S o c . (L o n d o n ),  2 3 6 0  (1 9 5 5 ) .
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Fig. 1.— Adsorption of rare earths from lithium nitrate solu­
tions (2 X  10~3 M  HNOs, 78°).

Fig. 2.— Separation of Cs, Yb, Tb and Eu in L iN 03 solution 
(78°, 0.25 cm.2 X  6 cm. column).

,20|-----— !-------------- , -------------1------ I -------1------------ 1

COLUMN VOLUMES OF EFFLU ENT.

Fig. 8.—Separation of Cs, Ba and several rare earths in 
LiNOj solutions (78°, 0.25 cm.2 10.5 cm. column).

Of these media, nitrate solutions appeared to war­
rant more extensive investigation since preliminary 
equilibration studies' at room temperature showed 
significant differences in the adsorbabilities of the 
various rare earths, particularly in concentrated 
LiN 03 solutions.

Experimental
A strongly basic quaternary amine resin of the poly- 

styrene-divinylbenzene type (Dowex-1, 10% D VB) was 
used. It was initially in the chloride form and was con­
verted to the nitrate form by treatment, in a column, with 
several column volumes of 2 M  nitrate solution. The ex­
cess electrolyte was removed from the bed by washing with 
water.

Since the nitrate form of this resin reaches equilibrium 
relatively slowly,4 a rather small particle size ( —325 mesh) 
was chosen, and most measurements were carried out at 
elevated temperature (78°) which was maintained bj' plac­
ing the columns inside jackets heated by the vapor of re­
fluxing ethanol. Although rate problems probably could

also have been circumvented with resins of lower cross- 
linking, the 10% DVB resin was chosen to obtain greater 
selectivity.

Adsorbabilities were determined by column techniques. 
Small aliquots of appropriate L iN 03-H N 0 3 solutions con­
taining tracers of the metals were added to the columns 
(ca. 0.25 cm.2 X  4 cm.) which had been pretreated with 
L iN 03-H N 0 3 solutions of the same concentration. The 
columns were eluted with the same nitrate solutions used in 
pretreating, and metal concentrations in the effluent were 
determined radiometrically. From the number of 
column volumes T'raax of effluent at w7hich The metal ap­
peared in maximum concentration, the volume distribution 
coefficient, D v (amount per liter of bed/amount per liter of 
solution), was computed from the relationship Dv =  Vmax 
— i where i is the fractional interstitial volume (i =  ca. 0.4).

Separations were carried out with columns which had a 
cross sectional area of about 0.25 cm .2 and varied in length 
from 4 to 20 cm. Both stepwise and gradient elution9 
techniques were used in separations. For the gradient 
elutions, an apparatus similar to that described in the litera­
ture10 was constructed which delivered eluent having an 
approximately linear concentration gradient. The ap­
paratus consisted of two 50-mi. graduated cylinders filled 
with nitrate solutions of different concentrations and con­
nected at the bottom through a narrow stopcock. One 
cylinder had a delivery tube and provision for magnetic 
stirring. Flow rate was controlled by adjusting the hydro­
static head.

The following radioactive tracers were used: Cs137 (30 
v ); Ba140 (12.8 d); La140 (40.2 h); Ce144 (285 d); Pr142 
(19.1 h); Nd147 (11.6 d); Pm147 (2.6 y ); Sm153 (47 h); 
Eu155 (1.7 y ); Tb™ (72 d); Y b 169 (32 d); Am243 (8000 v). 
The tracers were obtained from the ORNL Isotopes Division 
except Sm153, Tb160 and Y b169, which wrere prepared by ir­
radiating samples of the appropriate rare earth oxides in the 
ORNL Low Intensity Training Reactor (L IT R ). The 
tracers supplied by the ORNL Isotopes Division were 
analyzed by them and were all of acceptable radiochemical 
purity. Those prepared in the LITR were also found to be 
of satisfactory purity by half-life measurements or by sepa­
rate column experiments. Since the tracers were of high 
specific activity, all experiments pertain to resin loadings of 
less than 1% capacity. Analyses of y-emitters w'ere carried 
out with liquid samples and a standard well-type scintilla­
tion counter. Samples containing pure a or /3-emitting 
tracers w'ere evaporated on plates and counted with a Geiger 
or «-proportional counter.

Results and Discussion
1. Adsorption from LiN03 Solutions.—The ad­

sorption of rare earths from LiN03 solutions is 
independent of acidity only at low acid coneentra- 
fions. Thus, in 4 M  LiNOj, the distribution coef­
ficient, of La is about 20 and remains constant in 
the region of nitric acid concentration, 10~2 down 
to at least 10-4 M  HNO:i. Above 10-2 M  HN03, 
adsorption of La decreases rapidly with increasing 
acid concentration. Similar results were obtained 
with europium and ytterbium. This effect of acid­
ity on adsorbability at constant total ionic strength 
is reminiscent of the behavior of many elements in 
chloride solutions,4 although in nitrate solutions, 
the acid independent region appears at lower acidi­
ties.

A series of adsorption measurements were carried 
out as a function of LiN03 concentration with solu­
tions containing 0.002 M  HN03, an acid concentra­
tion within the acid independent region which, pre­
sumably, is also sufficiently high to prevent com­
plicating hydrolytic reactions from occurring. The 
results are summarized in Fig. 1 where the values of

(9 )  (a ) E . C . F re ilin g , J . A m . Chem. S o c .,  7 7 ,  2C67 ( 1 9 5 5 ) ;  ( b )
W . E . N e r v ic ,  T his J o u r n a l , 5 9 , 6 9 0  (1 9 5 5 ).

(1 0 )  S ee , e. g .,  (a )  C .  W . P a rr , P r o c .  B io e h e in . S o c . ,  3 2 4 th  M e e t in g ,
1 9 5 3 ; (b )  11. M .  B o c k  anti N a n -S in g  L in g , A nal. Chcrn.. 2 6 , 1 54 3
(1 9 5 4 ).
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Dv (obtained at 78°) are plotted against M  L iN 03. 
For a given rare earth, the adsorbability rises with 
M  LiN03 and the slope, d log Dv/d M  LiN03, de­
creases with increasing atomic number. Surpris­
ingly, the adsorbability of the rare earths at con­
stant M  LiN03 decreases with increasing atomic 
number. However, sufficient data are not avail­
able to explain this behavior or to reach unambigu­
ous conclusions on the complexing properties of the 
rare earths.

In the region 3 to 4 M  L iN03, where comparative 
data are available, the ratio of adsorbability ap­
pears to be similar for adjoining rare earths from La 
to Eu. This ratio (or separation factor, S) is 
about 1.4 and, hence, is comparable to separation 
factors obtained in the cation-exchange separation 
of light rare earths (S ~  1.6) with a-hydroxyisobu- 
tyric acid11 and ethylenediaminetetraacetic acid.12

Of the rare earths heavier than Eu, only Tb and 
Yb were studied. In fairly concentrated LiN 03 
solutions where adsorption of these elements be­
comes appreciable, (Dv >  5) separation factors for 
the non-adjoining rare earths, Eu-Tb and Tb-Yb, 
are about 1.5. On the basis of these results, one 
concludes that separation of the adjoining trans-Eu 
rare earths will be considerably more difficult than 
of the lighter rare earths as is usually the case in 
rare earth separations.

2. Separations.—The following experiments 
demonstrate some of the separations which may be 
achieved with L iN 03 solutions although it should be 
recognized that optimal conditions were not nec­
essarily selected.

A mixture of Eu, Tb, Yb and a typical non-ad- 
sorbable element (Cs137) in 8 M  L iN 03 was added 
to a 0.25 cm.2 X 6 cm. column. Elution was car­
ried out at 78° with 8 M  L iN 03 at a flow rate of 0.4 
cm./min. The non-adsorbable element, Cs, ap­
peared immediately in the effluent while Yb, Tb 
and Eu eluted in separate bands with peak maxima 
at 10, 17 and 26 column volumes, respectively (Fig. 
2).

A gradient elution experiment which illustrates 
separation of several rare earths from each other, as

(11) (a) G. R. Choppin and R. J. Silva, J . I n o r g . N u c le a r  C h em ., 3. 
153 (1956); (b> H. L . Smith and D . C . Huffman, ib id .,  3, 243 (1956).

(12) S. W. M ayer and E. C. Freling. J . A m . Chem. S o c ., 7 5 , 5647 
1953).

well as from a “ non-adsorbed”  element (Cs) and a 
weakly adsorbed element (Ba), is shown in Fig. 3. 
For this experiment, an aliquot containing a mix­
ture of rare earth tracers, as well as Cs137 and Ba140 
(in secular equilibrium with La140) in 6 M  LiN03-  
0.002 M  H N 03 was added to a 0.25 cm.2 X 10.5 
cm. column maintained at 78°. Elution was car­
ried out at a flow rate of 0.6 cm./min. with suffi­
cient 6 M  L iN 03-0.002 M  H N 03 solution to remove 
Cs137 and Ba140. The Cs137 appeared almost im­
mediately in the effluent near 0.4 column volumes, 
while Ba140, interestingly, was adsorbed strongly 
enough to be separated from Cs and appeared in 
maximum concentration near 2.4 column volumes. 
Elution was then continued by the gradient tech­
nique at approximately the same flow rate with a 
solution initially 6 M  in LiN 03. A concentration 
gradient of about —0.16 M  L iN 03 per column vol­
ume was used. The elements, Yb, Eu, Sm, Nd, Pr 
and Ce eluted in this order in reasonably sharp 
bands though with some overlapping. After re­
moval of Ce, the eluent was ca. 3 M  L iN 03 and only 
La remained on the column. It was removed with 
2 M  LiN03. Total separation time was about 7 
hours.

In other experiments, it was shown that the par­
ent-daughter nuclides, Ba140-L a 140, are easily sep­
arated in a few minutes with 3-4 M  LiN03 and a 1 
cm. long column. Lanthanum is adsorbed while Ba 
passes through; La may be eluted with dilute lith­
ium nitrate or nitric acid.

Adsorbability of one of the actinides, Am (III), was 
also measured. Strong adsorption (Z)v >  5) was 
found above 3 M  LiN03 and the adsorption func­
tion was similar to that of La or Ce. Adsorption of 
the lighter actinide, Ac (III), however, has been 
found by Dannon5 to be significantly different from 
that of La, Separation of Am(III) from Ac(III) 
and from most of the rare earths should thus be pos­
sible with relatively short columns.
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An attempt is made to show the usefulness of irreversible thermodynamics in permitting the definition of new terms by 
which the rates of dynamic processes may be characterized. A set of rate constants with which to describe simple mass dif­
fusion is discussed and is shown to be potentially more useful than some of the phenomenological coefficients employed in 
other treatments of diffusion. The coefficient under discussion represents the proportionality between the thermodynamic 
force on a substance and its velocity relative to another substance in the mixture, and is therefore termed a “ friction coef­
ficient.”  How such coefficients may be determined for some simple systems is explained, and examples are cited from the 
literature. It is suggested that these may be more useful quantities than more conventionally defined diffusion coefficients 
upon which to focus our attention in the search for microscopic models to explain the mechanism of diffusion processes.

Two ways in which the science of thermodynam­
ics has been most useful to the theoretician are:
(1) within the framework of its known laws it has 
made possible all macroscopic correlations among 
the properties of matter, thus greatly simplifying 
the task of constructing microscopic models; (2) 
by defining new terms, e.g., entropy and activity, 
it has permitted choice of the most useful properties 
upon which to focus our attention in attempting to 
build such models. The extension of thermo­
dynamic principles to the study of dynamic proc­
esses known as irreversible thermodynamics gives 
hope of achieving similar success in an area where 
much progress remains to be made. The princi­
pal emphasis in the development of irreversible 
thermodynamics up to the present time has been 
on the study of macroscopic correlations, an ap­
proach which has proved fruitful in a number of 
areas. Such work has entailed the definition of 
new terms, usually known as phenomenological co­
efficients, by which the rates of various processes 
and their interdependence can be characterized. 
As with conventional thermodynamics, however, an 
endless variety of new terms could be defined with 
varying degrees of simplicity and utility. Rela­
tively little critical attention has thus far been 
paid to the problem of defining thermodynamic 
“ rate constants”  in the most useful way possible,
i.e., the way which might best lend itself to micro­
scopic interpretation.

It is the purpose of this paper to show how a 
particular method of setting up the phenomeno­
logical equations for the description of simple mass 
diffusion under a concentration gradient leads to 
the definition of terms which may well prove more 
useful than the conventionally defined (Pick’s Law) 
diffusion coefficient. The fundamental basis for 
the treatment under discussion actually was pre­
sented in 1945 by Onsager.2 The significance of 
this work apparently has not been fully appreciated 
by subsequent workers, however, so that some 
clarification and expansion seems in order at this 
time.

Onsager’s treatment starts with the definition of 
the “ dissipation-function”  F for a system of N  
components at constant temperature (constant 
pressure will also be assumed in the present dis­
cussion)

(1) Presented at the National Meeting of the American Chemical 
Society, Chicago, 1958.

(2) L. Onsager, A n n . N . Y . Acad . S ci., 46, 241 (1945).

f  =  I t , CD
i  i ,k

where the vector J\ represents the local flux of 
component i  and Jk is similarly defined. Note that 
the case i  =  k is included, the summation being 
taken over all possible combinations. The Aik 
are thus scalars the significance of which will 
shortly become apparent. As a part of this defi­
nition Onsager incorporates the “ convention”  that 
Aik =  Aki. The reason such an option is available 
is apparent when we consider that Rik(Ji-Jk) +  
Aki(d'k-Ji) =  (Aik +  Aki)(Ti-/k), so that only the 
sum (Aik +  Aki) is important in defining the dis­
sipation-function.

Since the dissipation-function is to represent half 
the rate at which free energy is dissipated (locally,
i.e., within a volume d V) by the irreversible flows, 
Onsager now notes an additional restriction on the 
Aik- This is the requirement that there be no dis­
sipation when all the velocities are equal and is 
written

N

T  = 0 (2)
k

where Ck is the concentration of component k. In 
the subsequent development of the equations of 
diffusion the relation 2 is not made explicit use of in 
the Onsager treatment, but is merely allowed to 
stand by itself in the form shown above. Specific 
inclusion of this restraint in the derivation gives 
considerable insight into the nature of the Aik, how­
ever, as will now be shown.

Multiplying each of the equations 2 by J?/c\ 
and subtracting from (1) gives

N

2F =  T  A Y .C A  -  cwJi/Ci) (3)
i .k

for the restricted form of the dissipation-function. 
If we now continue following Onsager’s variational 
method for finding the fields of flow J\ in a system 
characterized by a set of local gradients of the 
chemical potential Vw by maximizing the function

- (d Z /d i )  -  f F  dV

where Z  is the free energy of the system as a whole, 
t is the time and V the volume, we find that the 
condition to be satisfied by the local flows is 

AT
' V/ii =  ^ ' Rik(Lk CkJi/Ci) (4)

k
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Making use of the fact that a flux can be expressed 
in the form J j =  cv,, where v-, is the local velocity 
vector, we may rewrite (4) in the form

AT
— Vjtlj =  ®ikCl(t>k — Vi) (5)

k

Thus we have obtained the restricted phenomeno­
logical equations. Although i  may take any value 
from 1  to N  in the equations 5, only N  — 1 of these 
equations are independent, since the Gibbs-Duhem 
equation relates the forces at all points in the sys­
tem.

A slightly different derivation of equations basi­
cally the same as (5) has been employed by A. 
Klemm,3 who apparently failed to note that their 
existence was already implicit in the work of 
Onsager. Observing that the concentrations can 
be expressed in the form a  =  C X ■„ where C is the 
number of moles of solution per cc. and X\ the mole 
fraction of the ¿th component, Klemm’s equations 
appear in the form

N

K\ — 53 rikA'k(wi — Vk) (6)
k

where K x represents the thermodynamic force on
i. By comparison of (6) with (5) it is apparent 
that rik =  —R±C.

The special virtue of this formulation lies in the 
way in which the phenomenological coefficients are 
defined. Since the / ? jk  depend only on velocity 
differences, they are independent of the motion of 
the reference with respect to which the velocities 
happen to be defined. This is much more satis­
factory than some of the awkward artifices that 
have Been employed, such as referring all velocities 
to the mass average velocity of the solution or 
arbitrarily taking the velocity of one component to 
be zero, in defining coefficients whose values de­
pend on the reference chosen. Thus, instead of ob­
taining “ cross-coefficients” , i.e., L;k, where i X  k, 
whose values represent a complex combination of 
the interactions of i and k with each other and with 
the reference species, or obtaining “ rate constants”  
the magnitudes of which are influenced by such ex­
traneous factors as isotopic mass (as would be true 
for L j k  dependent on the mass average velocity 
even in the absence of kinetic isotope effects), the 
treatment described here gives rise quite naturally 
to a set of numbers I2;k each of which refers to the 
specific interaction of just two species. (Note that 
all coefficients of the type Ra drop out of equa­
tion 5.)

Klemm’s use of the term “ friction coefficient”  to 
describe the i2,k (or r;k) seems particularly appro­
priate, since it is the proportionality between the 
velocity of i relative to k and the “ force”  applied to 
i, with suitable allowance made for the fraction of 
i ’s total environment that consists of k. There is 
ample precedent for such a name, the nk being a 
generalization to multicomponent systems of the 
“ molecular friction coefficients”  discussed by Kirk­
wood4 and others. Indeed, in Lord Rayleigh’s 
original prototype upon which the Onsager dissipa-

(3) A . K lem m , Z. N aturforschung, 8a, 397 (1953).
(4) J. G . K irkw ood. J . Chem. P h ys ., 22, 783 (1954).

tion-function is based, the coefficients correspond­
ing to Rik are true friction coefficients.5

The quantities R^ are readily obtainable in 
simple systems through the experimental deter­
mination of diffusion coefficients. In a system of 
two components, for example, the equations 5 de­
fine only one friction coefficient, Rn and there 
exists only one independent diffusion coefficient, 
D12. This mutual diffusion coefficient is usually 
defined by the relations

J i — —Da  Vci
JiVi +  J2 V2  =  0 (7)

where the Vi are partial molar volumes. The 
second equation is necessary to fix the reference 
with respect to which the fluxes are measured. As 
pointed out by Hartley and Crank, the restriction 
noted is equivalent to choosing a reference fixed 
with respect to the cell walls in cases where the par­
tial molar volumes are independent of concentra­
tion.6 An alternative mutual diffusion coeffi­
cient, D12', more useful to the present discussion, 
may be defined by the relations

J1 =  —Da (c\/Q,\)Va.i 
CiV\ +  C2V2 =  0

where gu is the thermodynamic activity of com­
ponent 1 and the v\ are the local velocities at any 
point in the system. The first equation can also 
be written in the form

Vi — —D a 'V  In Ci — —( D a ' /R T ) V f i i  (8) 
which can be compared with the corresponding 
equation for DJ2

vi =  — Di 2 v  In Ci

Note, however, the change of reference for Dl2. 
Some authors, recognizing that the driving force 
for diffusion is actually a gradient of the chemical 
potential, have applied a “thermodynamic cor­
rection” of the form (8), while retaining the 
“volume-fixed” reference (7).7 This procedure 
gives rise to a different coefficient for each of the 
two components. The Da defined here might 
thus be called the “thermodynamic m u t u a l  diffusion 
coefficient.” It is related to Dn by

Da' (1 +  a In T,/d In X t) =  Da  (9)

where -yj is the activity coefficient of either com­
ponent and X i  its mole fraction. Nowr for a system 
of two components equation 5 reads

(5) R . J. S tru tt, P roc. M ath. Soc. London, 4 , 363 (1873).
(6) G . S. H artley and K . C rank, Trans. Faraday S oc., 45, 801 

(1949).
(7) See, for exam ple, A . R .  Gordon, J . Chem. P h ys., 5 , 522 (1937). 

I t  should perhaps be noted th at the paper contains an error in the 
expression for the “ change in therm odynam ic potential of the solute 
w ith  concentration.”  In  passing from  equation 2 to  equation 4a the 
author has implied th at

“ S  -
where the n\ are mole fractions and V  is the m olar volum e of the 
solution. T h e correct relation is

E nglish  and D ole [J. A m . Chem. S oc., 72 , 3261 (1950)] failed to correct 
this in m aking use of the equation, while Gordon repeated the error in a 
subsequent note [J. A m . C h em . Soc., 72, 4840 (1950)]. T h e effect of 
this error on the calculations contained in these publications is sm all.
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- V/ji =  RnCi{vi — tii)
If the velocity reference is chosen such that C\Vi +  
c2v2 =  0, this becomes

—VM1 — —RuVi (Cl -I- Ci)

or
Vvn/Rli =  Vl/V

where V  is the volume of liquid containing one 
mole of solution. By comparison with (8) we may 
conclude that

/i 12 — —VRT/Du' (10a)
The corresponding equation using Klemm’s friction 
coefficient is

m  =  + R T / D X  (10b)

The use of R l2 might appear preferable due to the 
smaller variation with concentration expected, 
since l ) n '  is apt to decrease with decreasing molar 
volume. Either form of the friction coefficient 
will in general be a more complicated function 
of the composition, however, so that the Klemm 
formulation (6) will be selected for subsequent dis­
cussion here on the basis of its simplicity. From 
the definition of the dissipation-function it will be 
observed that the R± are negative; hence, the nk 
to be discussed here are all positive quantities.

Experimental data recently have become avail­
able which demonstrate the concentration depend­
ence of ri2 in some binary liquid mixtures.8'9 
These data indicate that the variation of rn with 
concentration is more nearly linear in solutions 
that approach thermodynamic ideality than in non­
ideal solutions. This shows that it may be possible 
in the case of liquids to define an “ ideal”  behavior 
for the friction coefficient, a concept which might 
enhance its usefulness considerably. Conclusions 
about the behavior of ri2 in non-ideal solutions can 
only be drawn, however, when truly reliable ther­
modynamic data are available, the parameter 
d In 7 i/dln Xi being very sensitive to the accuracy 
of the data. Thus, Johnson and Babb’s procedure 
of calculating the required curve for the benzene- 
ethanol system from the Van Laar equation10 gives 
very misleading results. Thermodynamic data 
reported by Brown and Smith11 can be used to show 
that the Van Laar equation gives a very poor ap­
proximation to the experimental curve for this sys­
tem. Application of the experimental curve to the 
diffusion data indicates that the deviation of r12 
from a linear concentration dependence is consider­
ably smaller than Johnson and Babb’s plot of D n  

would suggest.
A “ two-component”  system of particular in­

terest is one in which the two species are chemically 
identical, differing only in isotopic composition. 
The mutual diffusion coefficient in such a system is 
called the tracer diffusion coefficient and may gen­
erally be identified with the unmeasurable “ self­
diffusion”  coefficient. From the thermodynamic 
ideality of such a system it follows that 
____________ ri2 =  ’ Tn’  =  RT/Dn =  RT/Dn

(8) C . S. Caldw ell and A . L . B a b b , T h i s  J o u r n a l , 6 0 , 51 (1956).
(9) D . K . A nderson, J. R . H all and A . L . B abb, ib id ., 6 2 , 404

(1958).
(10) P . A . Johnson and A . L . B abb, ib id .,  6 0 , 14 (1956).
(11) I. Brow n and F . Sm ith, A u s tr a l ia n  J . C h ern ., 7 , 264 (1954).

Tracer diffusion coefficients thus may be used to 
define the coefficients Rn which dropped out of the 
dissipation-function in the modified form (3).

Similarly, in systems of two different chemical 
species it is possible to measure three different fric­
tion coefficients: r12, ru and r22. The connection 
between ru and D12 already has been pointed out. 
The relation of the r» to the corresponding self­
diffusion coefficients is derived readily by consider­
ing the phenomenological equations 6 for a system 
of three components

—V/ii = rnXn (t>i — Vt) +  n 3X 3 (wi — r3) (jq)
—V/22 =  T n X i  (t>2 — V i) -j- {v% — 113)

Now to find rn we consider component 3 to be 
chemically identical to component 1. Thus r13 
=  rn and r23 =  r21 =  r12. The tracer diffusion 
coefficient Du is defined by

Du =  V i / - V  In ci =  RT V i / - V m  (12a) 

X m  +  X m  =  0 (12b)
V/12 =  0 ( 12c)

The restriction (12c) results from the lack of chem­
ical composition gradients in the system, while the 
second equation of (12a) is based on the ideality of 
isotopic solutions. Applying restrictions (12b) 
and (12c) to equations 11, we may eliminate v2 

and Vz, which gives
Vi =  —Vixi/(Xi'rn +  X 2m ) (13)

where X /  =  X i +  X 3 is the total mole fraction of 
chemical species 1 in the solution. Now by com­
parison of (13) with (12a) we see that

Dn/RT =  1 / (X /r u  +  X 2r12) (14a)
By an identical procedure we can, of course, show 
that

Dn/RT =  l/ (X 2'r22 +  X m .)  (14b)
The three friction coefficients in a binary system are 
thus related in a simple way to diffusion coefficients 
which can be determined experimentally. First, 
rl2  is found at any given concentration from the mu­
tual diffusion coefficient Di2 and thermodynamic 
data by equations 10b and 9. The values of Dn 
and D22 at the same composition are then substi­
tuted into equations 14, along with the value of 
rJ2 just found, to obtain rn and r22 at this concentra- 

_ tion.
One conclusion can be drawn from equations 14 

and 10b by considering the behavior of Da as X ; ap­
proaches zero. It will be seen that at infinite dilu­
tion the self-diffusion coefficient of either constitu­
ent must have the same value (RT/rn) as the mu­
tual diffusion coefficient D 12 (=  Du at infinite dilu­
tion by Henry’s law). Although mechanistic 
considerations have previously led to the same con­
clusion, the above derivation is rigorously based on 
well-established thermodynamic principles com­
bined with the readily acceptable hypothesis that 
r-u does not become infinite, or, rather, does not 
increase asymptotically at a rate inversely propor­
tional to X;. The diffusion measurements of 
Johnson and Babb10 on several liquid systems are 
consistent with this prediction. The slight dis­
crepancies which appear must be due either to ex­
perimental error or to isotope effects in the tracer 
diffusion measurements.
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A study of the data cited above reveals that, in 
addition to ri2, the r« appear to show a linear con­
centration dependence in ideal liquid systems. 
For only two systems, however, are sufficient data 
presented by these workers to calculate all three 
friction coefficients. These are the non-ideal ben­
zene-alcohol systems. The possibility of isotope 
effects in the measurements was minimized by label­
ing the molecules with C 14 rather than deuterium.12 
The accuracy of the diffusion data combined with 
available thermodynamic figures is nevertheless 
sufficient to warrant only qualitative discussion of 
the concentration dependence of the friction coeffi­
cients at 25° and 1 atm. in these systems. We 
have calculated these for the benzene-ethanol sys­
tem only, for which the following observations are 
consistent with the accuracy of the results (taking 
benzene as component 1 and ethanol as 2).

(1) The value of rn is lower than that of either 
'Ti or /-22 at all concentrations. It (ri2) shows a 
negative deviation from linearity, passing through 
a minimum somewhere between 15 and 30 mole 
%  ethanol.

(12) The agreem ent am ong the results reported b y  Johnson and 
B a b b 10 and those of Partington, Hudson and B agnall [Nature 169, 
583 (1952)], who used deuterium -labeled m olecules, appears to refute 
the suggestion of B. O ttar [A cta  Che.m. Scand., 9, 344 (1955)] that 
deuterium -labeling gives rise to a strong isotope effect in  the tracer 
diffusion of the lo u e r alcohols.

(2) The value of rn, almost constant in the more 
concentrated benzene solutions, begins at concen­
trations below 80 mole %  to show a gradually in­
creasing rate of rise with decreasing concentration 
of benzene, but remains less than the value of r25 
except, perhaps, at concentrations below 25 mole 
%■

(3) The value of r22 shows a similar behavior, re­
maining nearly constant as pure ethanol is diluted 
to about 80 mole %  below which it rises with de­
creasing concentration at a steadily increasing rate.

The discussion immediately preceding summa­
rizes the concentration dependence of molecular frac­
tion coefficients in a single binary liquid system of 
non-electrolytes. A great deal more information 
of this type, as well as data on the effects of tem­
perature and pressure, is needed before an under­
standing of the factors determining the values of 
these quantities can be developed. We never­
theless share with Onsager (ref. 2, p. 247) the feel­
ing that the theory of transport processes may per­
haps be most rapidly advanced by focusing our at­
tention on the coefficients of the dissipation-func­
tion rather than on more commonly employed rate 
constants.

A  subsequent publication will deal with the ex­
tension of this approach to electrolytic systems.13

(13) R. W . L a ity , J . Chem. P h ys., in press.

PREPARATION OF FINE PARTICLES FROM BIMETAL OXALATES1
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Ferromagnetic and ferrimagnetic tine particles were prepared by suitably heat-treating co-precipitated oxalates of Co-Fe, 
Ni-Fe and Ou-Fe systems in a wide range of compositions. The particles produced by this method included metals, alloys, 
ferrites and other oxides. The technique is an excellent method for producing fine particles with a wide range of magnetic 
properties. Ferrite particles were prepared in a manner much simpler than the standard techniques. The existence of 
permanent, magnetic properties in fine particles of normally “ soft”  magnetic materials such as the ferrites was in agreement 
with predictions of the theory of single domain particles. While the experimental work was confined to magnetic materials, 
the technique also can be useful in the preparation of other fine particle materials.

Introduction
The specific purpose of the research described in - 

this paper was the development of a method 
whereby various ferromagnetic materials (metals, 
alloys, ferrites and oxides) could be prepared in 
fine particle form.2 It is well known that ferro­
magnetic materials in fine particle form exhibit 
“ hard”  or permanent magnetic properties, while in 
large particle form they exhibit “ soft”  or temporary 
magnetic properties.3 Since fine particle materials 
sinter at lower temperatures than larger particle 
materials, it was obvious that we could not use a 
method of preparation which required high tem­
peratures. The usual preparation of a ferrite 
involves a solid state reaction between the two

(1) This research was supported b y  the U nited States A ir Force 
under C o n tra ct N o. A F  33(616)-5C41, m onitored b y  A eronautical 
Research L aboratory, W rig ht A ir D evelopm en t Center.

(2) Detailed magnetic studies are being made on the products 
reported here and will appear as a separate paper at a later date.

(3) C . Ivittel. Phys. R ev., 70, 965 (1946).

metal oxides,46 but since this required the dif­
fusion of the cations over large distances (~ 1 0 4 A.) 
high temperatures are necessary. It seemed pos­
sible to eliminate this long range diffusion problem 
by starting with the two metals in a solid solution, 
in which case the ions would have to diffuse only 
the distance of the lattice spacings or a fen7 Ang­
stroms. Wickham6 and Robin7 indicated that 
some of the bimetal oxalates form solid solutions. 
Since these oxalates could be decomposed thermally 
at moderate temperatures to yield the metal oxides 
and easily removed gaseous decomposition prod­
ucts, they were selected as the intermediates in 
our preparation of fine particle materials. We 
found, experimentally, that we could form solid

(4) J. L . Snoek, “ Ferrom agnetic M ateria ls .”  E lsevier (Press, 
H ouston, T exas, 1949).

(5) E. W . G orter, Compt. rend.. 230, 192 (1950).
(6) D . G . W ickham , Tech. R ep t. 89. Lab. for Insulation R esearch , 

M IT , Cam bridge. M ass.
(7) J. Robin, B u ll. soc. chiui., F ran ce , 1078 (1953).



84 W illiam  J. Schuele Vol. 63

solutions of ferrous oxalate with the oxalates of 
zinc, cobalt, nickel, magnesium and manganese. 
It is interesting to note that these ions have nearly 
the same ionic radii as the ferrous ion.8

Experimental
Preparation and Characterization of the Oxalates.—-

The sulfates of the two metals desired in the bimetal oxalate 
were dissolved in water at 60° in the proper ratio to give 
1000 meq. in 1500 ml. of solution. The stoichiometric 
amount of ammonium oxalate was dissolved in 1500 ml. 
of water at 60° and added with rapid stirring to the metal 
ion solution. The precipitate was filtered in a buchner 
funnel, washed with water and then washed with acetone 
to speed up drying. Of the systems prepared, three were 
selected for more extensive study: cobalt ferrous oxalate, 
nickel ferrous oxalate and copper ferrous oxalate. The 
Goldschmidt ionic radii for cobalt (0.82) and nickel (0.78) 
are similar to ferrous ion (0.83) while copper (0.70) is 
smaller. In each of these systems, oxalates were prepared 
in one mole quantities of the composition A„Fei_ „C20 4, 
where A =  Cu, Ni or Co and y =  0.1, 0.2, 0.3, 0.4, 0.5, 
0.6, 0.7, 0.8, 0.9, 1.0.

In order to determine whether our samples were solid 
solutions or just a mixture of the two oxalates, X-ray 
spectra were taken for each sample. If the two metal 
oxalates did not form solid solutions, the X-ray spectra 
would consist of the two separate spectra superimposed. 
If the bimetal oxalate was formed, the characteristic peaks 
on the spectra would lie between those of the pure compo­
nents. Data of the nickel ferrous oxalate system shown in 
Table I will serve to illustrate this variation of d values 
with composition for a solid solution. A similar set was 
obtained for cobalt ferrous oxalate. However, for the 
copper ferrous oxalate, solid solution was not obtained and 
the peaks of both copper and iron oxalates were present in 
the spectra, the intensity of the respective peaks being 
proportional to the concentration of the metal oxalate. 
The X-ray data further supported the idea that similarity 
of ionic radii greatly aids in the formation of solid solutions.

T a b l e  I
P r i n c i p a l  “ d”  V a l u e s “  f o r  N i - F e  O x a l a t e  S y s t e m

NiCsO, 4.78 3.94 3.01 2.53 2.07 1.94 1.87
Nio.9Feo.1C2O« 4.78 3.93 3.01 2.53 2.07 1.94 1.87
Nio.sFeo.2C2O« 4.80 3.92 3.02 2.55 2.08 1.95 1.87
Nio.7Feo.1C2O« 4.81 3.92 3.03 2.57 2.09 1.95 1.88
Nio.eFeo.4C2O« 4.83 3.91 3.04 2.58 2.09 1.96 1.88
Nio.6Feo.iC2O« 4 85 3.90 3.07 2.59 2.10 1.98 1.88
Nio.4Feo.eC2O« 4.87 3.90 3.11 2.59 2.11 1.99 1.88
Nio.9Feo.7C2O« 4.89 3.89 3.12 2.60 2.11 2.00 1.88
Nio.2Feo.sC2O« 4.89 3.89 3.14 2.61 2.12 2.01 1.88
Nio.1Feo.9C2O« 4.90 3.88 3.15 2.62 2.12 2.02 1.89
FeCiO« 4.89 3.87 3.16 2.63 2.13 2.02 1.89
0 Interplanar spacings.

The oxalates were crystalline precipitates whose particle 
size depended on the metal ions and the ratio of metals 
involved. The size was determined from measurements of 
electron micrographs. In the nickel ferrous oxalate system 
there was a steady decrease in the average particle size as 
the nickel concentration increased, ranging from 6 y  for 
10% Ni to 1 /x for 100% Ni. In the cobalt ferrous oxalate 
system, there was no gradual change as the composition 
varied. The particles were ellipsoidal, with an average 
major axis of 4-6 1 1 , and an average minor axis of 2-3 p. 
In the copper ferrous oxalate system, two types of particles 
were obtained, one spherical, the other a parallelopiped. 
The spherical particles were found to be the copper oxalate 
and measured about 1 m in diameter. The ferrous oxalate 
particles were about 3 ¿i in width and depth, and up to 10 /x 
in length.

Treatment of the Bimetal Oxalates.— Each of the three 
oxalate systems was given four treatments: (A ) heated in 
a stream of hydrogen at 390°; (B ) heated in its own decom­
position products (CO and C 02) at 390°; (C) heated in 
a stream of air at 390°; (D ) heated in air at 1100°.

The temperature of 390° was chosen because all the

(8) L . P a llin g , "T h e  N ature of the C hem ical B on d ,”  2nd E d ., 
Cornell U n iversity  Press, Ith aca, N . Y . ,  1940, p. 343-350.

oxalates in the three systems decompose at some tempera­
ture below this and such a temperature was low enough to 
prevent serious sintering of the products. Treatments A 
and B constituted reducing conditions, treatments C and D 
oxidizing conditions.

A. Reduction in Hydrogen.—Fifteen grams of oxalate 
was placed in a 21 mm. diameter tube using glass wool plugs 
to confine the material to the center portion of the tube. 
The tube then was inserted in a furnace at 390“ and hydrogen 
passed through it for one hour. This effected a reduction 
to the metals or alloy.

X -Ray spectra for the products of the copper-iron series 
gave separate peaks for the two metals, the height of the 
peaks being proportional to the amount of copper or iron 
present. No alloying of the two metals was detected.

Alloys were obtained for the nickel iron system. A 
maximum in the saturation magnetization near 20%  nickel 
found experimentally for the fine particle material agrees 
with that reported in the literature for the bulk alloy.*

X -Ray spectra for the cobalt-iron system indicated the 
production of powder alloys. The X-ray intensity of the 
characteristic lines for the Co-Fe series are presented in 
Fig. 1. In the region 0 to 70% cobalt, the X-ray intensity 
remained essentially constant for the body centered cubic 
peak. This confirmed the fact that iron and cobalt form a 
single alloy phase within this composition range. A face 
centered cobalt phase appeared experimentally in the 
region of 75% cobalt. This was in excellent agreement with 
the phase diagram for the bulk iron-cobalt alloy which also 
indicated that a face-centered cobalt phase should appear 
in that region.9 10 The lattice spacings for the region in which 
the single phase iron-cobalt alloy exists were in good agree­
ment with the values obtained by Ellis and Greiner for 
the bulk iron cobalt alloy.

B. Reduction in CO +  CO2.— Fifteen grams of oxalate 
was packed in a tube which was closed at one end and con­
tained a one hole stopper at the other end. The tube was 
inserted in a furnace at 390°. As the oxalate decomposed, 
the gases produced (CO and C 02) were passed through 
tubing into a wash bottle partially filled with water. _ The 
progress of the reaction was indicated by the bubbling in the 
wash bottle. When the decomposition reaction was over, 
the tube was sealed and permitted to cool. The product 
was then protected from air by the addition of benzene. 
This treatment resulted in products consisting of several 
phases and is the least understood of the four treatments. 
One would anticipate that the decomposition of the oxalate 
would proceed according to the equations

FeC20 4 — >  FeO +  C 02 +  CO 
CuC20 4 — >  CuO +  C 02 +  CO 

CuO +  CO — >  Cu +  C 02
X -Ray examination of the products obtained from the 

copper ferrous oxalate system revealed copper and magne­
tite lines. The high saturation magnetization values 
appear to require that about one fourth of the total iron be 
present as free iron and the remainder as magnetite. Simi­
larly, Franklin, e t  a d . , 11 12 showed that a mixture of magnetite 
and iron was obtained from the decomposition of ferrous 
formate. They suggested the disproportionation reaction 
4FoO — Fe +  Fe30 4. This would correlate well with 
our data. However, in our samples careful scans of the 
X-ray spectra at 0.04°/minute and the highest sensitivity, 
could not verify the presence of free iron. Its presence 
in extremely small (100 A.) particle size is suggested 
as a possible explanation, since the X-ray lines would be 
too broad to be detected. This hypothesis was further 
supported by the fact that the coercive forces of these 
samples were found to be four to five times greater at 
— 196° than they were at room temperature, which is 
consistent with the magnetic behavior of very small par­
ticles.13

(9) R . M . Bozorth, *'Ferrom agnetism ,”  D . V an  N ostrand C o ., 
N ew  Y o rk , N . Y .  1951, p. 247.

(10) “ M etals H andbook,** Am erican Society for M etals, 1948, p. 
1192.

(11) W . D . Ellis and E . S. Greiner, Trans. A m . Soc. M etals, 29, 415 
(1941).

(12) A . D . F ranklin, L . M uldaw er and P . J. Flanders, T his J o u r n a l , 
59, 340 (1955).

(13) L . M cel, Com pt. rend. 228, 664 (1949); A n n . G eophys., 5, 99 
(1949); Rev. M od. P h ys., 25, 293 (1953).
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T able II
Experimental and Calculated Moments for CuFe and N iFe  Oxalate Systems Heated in Air

O x a la te  s y s te m
M o m e n t ,

c a lc d .
H e a te d  a t  1 1 0 0 ° , 

o b s d .
H e a te d  a t  3 9 0  °, 

o b s d . O x a la te  s y s te m
M o m e n t ,
c a lc d .

H e a t e d  a t  3 9 0 °  
o b s d .

Cuo.iFe0.9C2O4 9.0 9.3 40.0 N io .  i F e o . 9C 2O 4 67.7 67.3
Cuo.2Feo.8C204 18.0 19.5 36.8 N io .2F e o .8 C 20 4 59.1 60.8
Cuo.3Feo.7C204 27.0 28.8 29.0 Nio.3Feo.7C204 50.5 49.0
C u o . 4F e o . 6C/2O 4 27.0 25.8 16.0 Nio.4Fe0.6C204 43.1 42.4
C u o .6 F e o .6 C 20 4 22.5 23.5 26.5 N i 0.6 F e o .6 C 20 4 36.1 34.9
C u o .  e F  eo . 4C 2O 4 18.0 17.1 19.1 Ni0.6Feo.4C204 29.2 28.5
Cuo.7Fe0.8C204 13.5 9.7 13.2 Nio. 7Feo. 3C2C>4 21.9 22.3
Cu0.8F e0.2C2O4 9.0 8.1 3.6 Ni0.ijFeo.2C204 14.7 17.2

The interpretation of the nickel-ferrous system is also 
complicated by the presence of several phases. Additional 
studies will be necessary to elucidate the composition of 
these products.

X -R ay spectra obtained from the cobalt-ferrous system 
indicate the presence of magnetite in the high iron end of 
the system and CoO and Co in the high cobalt end of the 
system. The presence of cobalt indicates the reduction 
of CoO by carbon monoxide.

C. Oxidation in Air at 390°.— Fifteen grams of the 
oxalate was placed in a tube and held in position with glass 
wool plugs. The tube was inserted in a furnace at 390° 
and air passed through the tube for one hour at this tem­
perature.

The products obtained indicated clearly that when the 
starting material was not a solid solution this temperature 
was too low to permit the ions to diffuse distances of the 
particle diameters (¿i). Table II presents the calculated 
and observed moments per gram for the copper-ferrous sys­
tem at 390 and 1100° and the nickel-ferrous system at 
390°. The calculated values for copper are based on the 
production of stoichiometric copper ferrite with the excess 
metal present as CuO or aFejOa, depending on which ion was 
present in excess of the ferrite composition.

The nickel ferrous oxalate system, which was a solid 
solution, produced the ferrites at 390°. The calculated 
moments for the nickel system were based on the production 
of nickel ferrite with the excess metal present as NiO or as the 
magnetic iron oxide 7-Fe203- No consideration was made 
for the solubility of any phase in the others, but the agree­
ment of experimental values with the calculation on our 
basis would suggest that such considerations are not re­
quired. At present it is not clearly understood why the
7-Fe20 3 is stable in the Ni-Fe system and not in the Cu-Fe 
and Co-Fe system. There are some indications, however, 
that certain ions do increase the stability of y-Fej03.14

A possible explanation for the deviation which occurred 
at the high nickel end is proposed: in the nickel ferrite, 
the nickel ions tend to occupy the B sites of the spinel struc­
ture, while the iron occupies both the B and the A sites.15 
When the number of nickel ions is low, there is a good prob­
ability that they occupy only B sites but as the concentra­
tion of nickel ions increases the probability of all nickel ions 
going into the B sites is decreased. The presence of nickel 
in the A sites increases the moment. An alternate explana­
tion is that in the initial decomposition of the oxalate some 
of the material was reduced to metallic nickel, and re­
oxidation was not complete at this relatively low tempera­
ture.

The cobalt-iron system also produced the ferrites at 390°. 
X -Ray spectra for this system were made and the intensity 
of the characteristic lines vs. composition are plotted in 
Fig. 2. This plot would also suggest that there is very little 
mutual solubility of the various phases.

D. Oxidation at 1100°.— The samples were treated as in 
treatment C. They were then placed in Vycor crucibles 
and heated in a Lindberg furnace at 1100° for one hour. 
This treatment produced ferrites in all three systems. 
This was as expected, since the temperature was high enough 
to permit diffusion of the ions between particles, even in the 
Cu-Fe system where no solid solution had been formed. 
Unfortunately, there has also been considerable sintering 
of the particles resulting in the loss of the fine particle 
nature of the product. In all cases, at least two phases

(1 4 ) P . W .  S e lw o o d , “ M a g n e t o c h e m is t r y ,*' 2 n d  E d . ,  I n t e r s c ie n c e  
P u b lish ers , N e w  Y o r k , N . Y . ,  p . 30 7 .

(1 5 )  * L . N e e l, A n n . P h y s .  P a r i s , 3 ,  I S 7 - 9  (1 9 4 8 ).

0 10 20 30 40 50 60 70 80 90 100
Atomic %  cobalt. 

Fig. 1.

100 90 80 70 60 50 40 30 20 10 0 Fe
Atomic per cent.

Fig. 2.

0 10 20 30 40 50 60 70 80 90 100
Atomic 7o cobalt.

Fig. 3.
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were produced, the ferrite and the oxide or oxides of the 
metal ion present in excess. Figur e 3 is a plot of the X-ray 
intensities of characteristic lines vs. composition for the 
Co-Fe system heated at 1100°. Note that two curves are 
given for the ferrite and that these are in good agreement 
with each other.

Conclusion
Metals, alloys, ferrites, metals in metal oxides 

and ferrites in metal oxides have been prepared as 
fine particles by the solid solution oxalate tech­
nique. By virtue of their particle size, it was pos­
sible to produce the ferrites as magnetically hard 
substances. Excellent control of the composition 
of the oxalate was possible because the metal ions 
were mixed in solution before precipitation. This 
method offers the possibility of “doping” a sample 
in the initial precipitation with very small amounts 
of a foreign metal ion. The low solubility of the 
oxalates involved eliminated the necessity of 
making solubility corrections.

General metallurgical techniques for the prepa­
ration of alloys in bulk form are well established 
but not applicable to the preparation of fine par­
ticle materials. Some of the techniques useful for 
powder metallurgy purposes produce particles 
several microns in diameter. The technique pre­
sented in this work permits the production of fine 
particles down to single domain sizes and should 
have general application in the production of fine 
particles of any alloy whose metals have atomic 
radii of the proper size to form the bimetal oxalate. 
Because of their unusually small particle size, the 
alloys prepared by the above method should be of 
great interest in nuclear and electron magnetic 
spin resonance measurements as well as the fer­
romagnetic studies for which they were intended. 
These alloys also would be useful in the study of the 
penetration of radio frequency fields into fine 
particles to determine electron mean free paths.

USE OF DIFFUSION AND THERMODYNAMIC DATA TO TEST THE 
ONSAGER RECIPROCAL RELATION FOR ISOTHERMAL DIFFUSION 

IN THE SYSTEM NaCl-KCl-H20  AT 25°

B y Peter J. D unlop and Louis J. G osting

Contribution from  the University of Wisconsin, Madison, Wisconsin, 
and the Institute o f Physical Chemistry, Uppsala, Sweden 

Received August 4> 1958

A test of the Oasager reciprocal relation has been made for four compositions of the system NaCl-KCl-EhO, using exist­
ing data for the diffusion and activity coefficients. The Onsager relation is satisfied within 5%  at all four compositions. 
Significant errors which affect these tests have been considered in detail; for each composition the observed deviation is 
about half the maximum error which is estimated from uncertainties in the experimental data.

Just as classical thermodynamics provides equa­
tions relating certain measurable properties of a 
system at equilibrium, the thermodynamics of 
irreversible processes provides equations relating 
measurable properties of a system which is some­
what removed from equilibrium. Of basic im­
portance to the theory of irreversible processes are 
the reciprocal relations derived by Onsager1-4 
from the assumption of microscopic reversibility. 
The Onsager reciprocal relations and their con­
nection with the theory of irreversible processes 
have been discussed in several monographs (see for 
example, ref. 5-8) which also list original articles 
in this field.

For isothermal diffusion in a ternary system there 
is a single reciprocal relation which provides one 
restriction on the values of the four diffusion co­
efficients that can be measured experimentally for

(1 )  L .  O n sa g e r , P h y s . R ev ., 37, 4 0 5  (1 9 3 1 ).
(2 )  L .  O n sa g e r , ib id .,  3 8 , 2 2 6 5  (1 9 3 1 ) .
(3 )  L. O n sa g e r  a n d  R. M . F u o ss , T his J o u r n a l , 36, 2 6 8 9  (1 9 3 2 ).
(4 )  L .  O n sa g e r , A n n .  N .  7 .  A c a d . S c i .,  4 6 , 241  (1 9 4 5 ).
(5 )  S . R .  d e  G r o o t ,  “ T h e r m o d y n a m ic s  o f  I r re v e rs ib le  P r o c e s s e s ,”  

In te r s c ie n c e  P u b lish e rs , I n c . ,  N e w  Y o r k ,  N . Y . ,  1951 .
•v6 ) K .  G . D e n b ig h , “ T h e  T h e r m o d y n a m ic s  o f  t h e  S te a d y  S t a t e ,”  

J o h n  W ile y  a n d  S o n s , I n c . ,  N e w  Y o r k ,  N . Y . ,  1951 .
(7 )  J . O . H ir s c h fe ld e r , C .  F .  C u rt is s  a n d  R .  B . B ir d ,  “ M o le c u la r  

T h e o r y  o f  G a se s  a n d  L iq u id s ,”  J o h n  W ile y  a n d  S on s, I n c . ,  N e w  Y o r k ,  
N .  Y . ,  1954 .

(8) I . Prigogine, “ Introduction to Therm odynam ics of Irreversible 
Processes,”  Charles C  Thom as, Springfield, Illinois, 1955.

any composition of the system; thermodynamic 
quantities also appear in this equation. Here we 
attempt to test this Onsager relation by using data 
for diffusion at four compositions of the system 
NaCl-KCl-H20  at 25°. The diffusion coefficients 
used were measured with the Gouy diffusiometer 
by O’Donnell and Gosting9 and the activity co­
efficients employed were derived from isopiestic 
data reported by Robinson10 and by Robinson and 
Stokes.11 Although the four diffusion coefficients 
for a few other ternary systems have been measured 
at one or two compositions12-16 we will not consider 
them here. Activity coefficients have been meas­
ured only for those systems containing two elec­
trolytes, and of these only the system NaCl- 
KC1-H20  obeys Harned’s rule17-19 (ft =  ft =

(9 ) I .  J . O ’ D o n n e l l  a n d  L . J . G o s t in g , a  p a p e r  p re s e n te d  in  a  S y m ­
p o s iu m  a t  t h e  1 95 7  m e e t in g  o f  t h e  E le c t r o c h e m ic a l  S o c ie t y  in  W a s h ­
in g t o n , D .  C . ;  th e  S y m p o s iu m  p a p e rs  a re  t o  b e  p u b lis h e d  as a  m o n o ­
g ra p h  b y  J o h n  W ile y  a n d  S o n s , N e w  Y o r k ,  N . Y .

(1 0 )  R .  A . R o b in s o n , in  “ E le c t r o c h e m ic a l  C o n s ta n t s .”  N a t io n a l  
B u re a u  o f  S ta n d a rd s  C ir c u la r  524 , 1953 .

(1 1 )  A p p e n d ix  8 .3  o f  r e f. 18.
(1 2 )  P . J . D u n lo p  a n d  L .  J . G o s t in g ,  J . A m . C h em . S o c ., 7 7 ,  5 2 3 8

(1 9 5 5 ).
(1 3 )  H .  F u ji t a  a n d  L . J . G o s t in g ,  ib id .,  7 8 ,  1 0 9 9  (1 9 5 6 ) .
(1 4 )  P . J . D u n lo p ,  T h i s  J o u r n a l , 6 1 , 9 9 4  (1 9 5 7 ) .
(1 5 )  P .  J . D u n lo p ,  ib id .,  6 1 , 1 61 9  (1 9 5 7 ) .
(1 6 )  F .  E .  W e ir  a n d  M . D o le ,  J . A m . C h em . S o c .,  8 0 , 302  (1 9 5 8 ) .
(1 7 )  H . S . H a r n e d  a n d  B . B . O w e n , “ T h e  P h y s ic a l  C h e m is t r y  o f  

E le c t r o ly t i c  S o lu t io n s ."  T h ir d  E d it io n ,  R e in h o ld  P u b l .  C o r p . ,  N e w  
Y o r k ,  N . Y . ,  1958.
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0 in equations 11); therefore, we have chosen it to 
test the Onsager reciprocal relation. The validity 
of this relation for some ternary systems has been 
considered in a recent communication20 by using 
estimated, rather than measured, values for the 
activity coefficients. In this report experimental 
data are used for all quantities, and the effects of 
errors in these data are considered in detail. It 
is believed that our analysis of experimental errors 
will be helpful in planning further tests of the On­
sager reciprocal relation.

Summary of Equations
The Onsager reciprocal relations consist of 

equalities between certain fundamental coefficients 
(usually denoted by or 0,-,) in equations relating 
flows to forces. F or isothermal diffusion in a ternary 
solution the flows, («/,•)0, of the two solutes (i =
I, 2) relative to the solvent (component 0) may be 
expressed as follows in terms of the chemical 
ootential gradients, d/i./dx. of the two solutes21-23

(Ji)o = -(Ln)o ~  -  (Ln)o ^  (la)

( / 2)o =  -(£21)0 ~  -  (£22)0 ~  ( l b )

For these flow equations there is one Onsager re­
ciprocal relation21-23

( £ 1 2 ) 0  = (£21)0 (lc)
Here subscripts 0 are used on the Ji and the to 
denote a solvent-fixed frame of reference. These 
equations are applicable to components in ternary 
solutions of electrolytes as well as of non-electro­
lytes.22 We choose to express the (Ji)o as moles per 
cm.2 per sec. and the m as per mole. The (L,y)o 
may be related to diffusion coefficients, (D i}) 0, 
for the solvent-fixed frame of reference by expres­
sing the chemical potential gradients in equations 
la and lb in terms of solute concentration gra­
dients.22'24 If the values of these diffusion co­
efficients are those corresponding to flows and con­
centration gradients both expressed in terms of 
moles of solute, one obtains the equations

(£11)0 =  [(£ll)o//22 -  (£*12)oM21 ]/(1000rS) (Id ) 
(£12)0 — [(£12)0/211 — ( £11 )o/2i2 ] /(  lOOOriS') ( le )
(£21)0 — [(£21)0/222 — ( £22)0/221 ] /(  1000r»S ) (I f )

(18) R . A . Robinson and R . H. Stokes, “ E lectro lyte Solutions," 
Butterw orths Scientific Publications, London, 1955.

(19) For a ternary system  which obeys H arned's rule, one can 
evaluate ac tiv ity  coefficients over the entire concentration range if 
com plete data for a c tiv ity  coefficients are availab le for each solute 
alone in the solvent and if the therm odynam ic constant K a  (equation 
14) has been determ ined from  experim ents a t  one com position of the 
ternary system . Hence, to  th e  extent th a t H arned’s rule is valid  for 
the system  N a C l-K C l-H a O , it  is possible to  evaluate rigorously the 
a c tiv ity  coefficients at an y  com position, including the concentration 
range for which diffusion coefficients are available, even though the 
a c tiv ity  coefficients for th is ternary system  have been measured 
only at the higher concentrations. For the other electrolyte solutions 
(ref. 12 and 13), also, there is the problem th a t some of the necessary 
data are for different concentration ranges; for those system s the 
situation is more com plicated because H arned’s rule does not apply.

(20) D . G . M iller, T his Journal, 62, 767 (1958).
(21) G . J. Hooym an, P h y s ic a ,  22, 751 (1956).
(22) R . L . Baldw in, P. J. Dunlop, L . J. G osting, G . Kegeles and

J. G . K irkw ood, in preparation.
(23) See equations 4.12.6 and 4.12.7 of ref. 3.
(24) See equations 17 and 18 of ref. 21; equation 18 m ust be inverted 

and appropriate changes m ade in  units of the concentrations, the D ij  
and the L ij  to  obtain equation^ lc j- jg .

(£ 22)0 — [(-^WoMn — (̂ 21 )oMi2 ] /(  IOOOtîS) (lg )
where

*8 =  /211/222 — M12/221 ( lb )
and

na =  (dm/dCj)T,p,Ck*i ( l i )

Here subscripts T, P  and (h^j indicate that tem­
perature, pressure and the concentration of the 
other solute are held constant during the dif­
ferentiation. We have introduced the factor 
lOOOr into equations ld -lg  because all concentra­
tions, Cj, in this paper are expressed as moles per 
liter instead of moles per cc. ; the ratio r =  1.000027 
is the number of cubic centimeters in a milliliter 
and will be taken as unity. Throughout this 
paper the components H20, NaCl and KC1 will 
be denoted by subscripts 0,1 and 2, respectively.

Diffusion Coefficients for the Solvent Frame of 
Reference.—The diffusion coefficients which were 
reported9 for this system are coefficients in modified 
forms12'26 of Onsager’s flow equations.4 These co­
efficients correspond to a volume-fixed frame of 
reference (denoted by a subscript V), which be­
comes identical with the cell frame of reference if 
the partial molal volumes are independent of con­
centration; they may be converted to the solvent- 
fixed reference frame by means of the equations22'26

(£*,)„ =  (£ /;)v  +  Ê  Vk(D ki)v (\  Z  ¡ ’2 )  (2)

Here F* denotes the partial molal volume of com­
ponent k. Values of F* in ml./mole for the solutes 
are readily obtained from data for the solution 
density in g./ml., p, using the relation (see equation 
A-7 of the Appendix)

Vt =  —  — *000g* (k =  1, 2 ) (3)

p -  E  B f i ,  
y=i

Here Mk is the molecular weight of component k 
and

Hk =  (àp/àCt)T,p,c&h (3a)

The concentration and partial molal volume of the 
solvent are then obtained from the relations 

2
E  MiCi =  1000 p (4)

i  =  0

and
2

E  C>Vi =  1000 (5)
t = 0

Derivatives of the Chemical Potentials.—To
evaluate the derivatives pij in equations ld -lh  it 
is necessary to use experimental data for the solute 
activity coefficients. Because activity coefficients 
for electrolytes are usually reported for the molality 
concentration scale, we first relate the to cor­
responding derivatives for that scale using the 
relation

(25) R . L. Baldw in, P . J. Dunlop and L . J. G osting, J. A m . Ch$mt 
S o c .,  77 , 5235 (1955).

(26) Equation 2 may be obtained from equations 30 and 31 of ref, 
21.
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(} = ÎJ) (6)

where
A ik =  {dm/òmk)T,P,ml9Ìk (6a)

and
Rkj =  (òmk/òCj)T,P,cl9Ìj (6b)

The molality m* of solute k in a ternary solution 
is related to the solute molarities and the solution 
density p by

to* =  Ch/e (k =  1,2) (7)
where

2
0 =  p -  Y ,  MiCi/1000 (7a)

1 = l
An expression for the Bkj is readily obtained by 
differentiation of equation 7 with respect to Cj

B kj =  [0bki -  Ck{Hj -  M//lOOO)]/02 (8)
where Hj is defined by equation 3a and bkj is the 
Kronecker delta (bkj =  1 if k — j  and bkj =  0 
if k j). The derivative Aik depends on the solute 
concentrations and also on the concentration de­
pendence of the activity coefficients. It is eval­
uated from the expressions for the chemical po­
tentials of the two salts: for this case of two 1 - 1  
electrolytes with a common ion we have w?Na+ =  
mi, mu* =  m2 and mci- =  mi +  m2, so27

Pi =  pi0 +  2RT \n yi[mi(vti +  TO2)l1/ 1 (9a)
P2 =  P20 +  2RT In 72[m2(TOi +  to2)]'/* (9b)

in which R and T are the gas constant per mole 
and the absolute temperature, respectively. Here 7 1  
is the mean ionic activity coefficient for the Na + 
and Cl -  ions for the molal scale; similarly y2 is the 
mean ionic activity coefficient for the K + and Cl“  
ions. Differentiation of equations 9 with respect to 
the appropriate solute molalities and conversion 
from natural logarithms to those for base 1 0  gives

A ih =  RT  +  ----- ]—  +  4.605 r « l  (10)1jrrii m,i +  m2 J
where

r,-4 =  (d log yi/&mk)T,P,ml9ik (10a)

Finally, the derivatives may be evaluated 
by using an extended form of Harned’s rule which, 
for solutions of two 1 - 1  electrolytes, is written28

log yi =  log *yuo) -  m m 2 — fa m22 (11a)

log 72 =  log 72(0) — mm! — fam j ( l ib )
These equations are applicable when the total 
solute molality

m — mi +  TO2 (12)
is held constant. The coefficients ah a2, ft and 
ft  are independent of mi and m2 for constant m. 
The symbols 7 1 (0) and 7 2 (0) denote the mean ionic 
activity coefficients of NaCl and KC1, respec­
tively, when each salt is present alone in water 
as a binary solution at molality m. According 
to Robinson , 10 the terms ft and ft are zero for the

(27) These relations m ay b e  obtained from equations 2.6~2.9 of 
ref. 18, using equation 2.12 of th at reference to  define th e  mean ionic 
a c tiv ity  coefficients ( 7 1  and 7 2  in our notation).

(28) See equation 14-8-1 of ref. 17 or equations 15.6 and 15.7 of ref. 
18.

system NaCl-KCl-H20, but we retain them here to 
investigate how experimental errors in these quan­
tities may affect tests of the Onsager reciprocal re­
lation. Differentiation of equations 11 with 
respect to the solute molalities gives the T»y, equa­
tion 10a

ru = d log 7i 
dm m2 da,

dm »¡2 •ifa
dm (13a)

r12 = d log 7 i(o) 
dm

doa— m — ?«2 -d?)t 2m2fa dft
dm

(13b)
The derivatives T21 (=  Ift) and r22 may be obtained 
by interchanging subscripts 1 and 2 in equations 
13. For some purposes it is useful to note that
I'll +  Dl = Tl2 +  Til +

(« ! +  m) +  2(toü/3i +  mifa) (13c)
Because experimental measurements are not yet 
sufficiently accurate to show any dependence of 
ft and ft on m,29 we now assume that dft/dm =  
d ft/dm =  0 so that it is possible to use the rela­
tions30

m +  «2 =  Ka — 2 m{fa +  fa) (14)

« i — m =  2$ — ?m (ft — fa) (15)

where K a is a quantity independent of m and
$  = l

2.3026m [01(0) — 02(0)1 (15a)

The osmotic coefficients

0«o) =  1 +  — f  m d In 7,(o) (i  =  1,2) (16) m Jo
are for the two binary solutions containing elec­
trolytes 1 and 2, respectively, at molality m. 
Equations 14 and 15 may then be solved for co

«i =  +  -jv  “  g m{2fa +  fa) (17)

Differentiation of this relation with respect to m 
and use of equation 16 yields
d«i _  1_ r _ 2$  _)_ d log 7i(o) _  d log 72(0) _  
dm m L dm dm

\ m(2fa +  f t ) ]  (18)

Expressions for a2 and da2/dm  are obtained by 
interchanging subscripts 1 and 2 in equations 17 
and 18 and changing the sign of T.

Convenient expressions for calculating the T& are 
obtained by substituting these relations for cn, 
o:2, dai/dm and da2/dm into equations 13 and into 
the corresponding equations for r 2i and r 22; remem­
bering that dft/dm and dft/dm are assumed to be 
zero,29 we obtain

1 I-  d log 7Ko) d log 72(0) | „  "1 ,
r“  = TO Lmi T  +  +  2m̂ j  +

| m 2( 2ft +  ft) (19a)

1 f  <1 log 7,(„) d log 72(o) „  ~] .
ni L dm dm J

| m 1( f t + 2 f t )  (19b)

(29) See page 431 of ref. 18.
(30) E q uation  14 is identical with equation 15.10 of ref. 18 and 

equation 15 is a special case, with xi — (mi/m) =  1, of equation 14-8-2 
of ref. 17.
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T a b l e  I
D a t a  f o r  T e s t i n g  t h e  O n s a g e r  R e c i p r o c a l  R e l a t i o n  a t  

F o u r  C o m p o s i t i o n s  o f  t h e  S y s t e m  NaCl-KCl-HjO a t  2 5 °  
M a ,o =  M „ =  1 8 .0 1 6 0  
i l f Nac i  =  M i  =  5 8 .4 5 4  
A / k c i  =  M i  =  7 4 .5 5 7

Ci (moles/1.) 0 .2 5 0 0 » 0 .2 5 0 0 o 0 .5 0 0 0 » 0 .5 0 0 0 o
Ct (moles/1.) 0 .2 5 0 0 » 0 .5 0 0 0 » 0 .2 5 0 0 » 0 .5 0 0 0 o
Co (moles/1.) 5 4 .7 0 6 5 4 .3 0 0 5 4 .4 4 3 5 4 .0 3 3
w, (molality) 0 .2 5 3 6 , 0 .2 5 5 5 , 0 .5 0 9 7 , 0 .5 1 3 6 ,
m ,  (molality) 0 .2 5 3 6 , 0 .5 1 1 1 » 0 .2 5 4 8 » 0 .5 1 3 6 ,
to (molality) 0 .5 0 7 3 i 0 .7 6 6 6 , 0 .7 6 4 6 , 1 .0 2 7 2 ,
Vo (ml./mole) 1 8 .0 6 2 1 8 .0 5 8 1 8 .0 5 7 1 8 .0 5 0
V\ (ml./mole) 1 8 .6 » 1 9 . 12 1 9 .1 , 1 9 .5 2
Vi (ml./mole) 2 8 .8 , 2 9 .3 , 2 9 .3 » 2 9 . 9 0

( Z ) „ ) v  X  KF* 1 .3 7 * 1 .3 4 , 1 .4 1 , 1 .3 8 »
(£ > 12) v  X  106 - 0 .0 0 , -0 .0 0 , - 0 . 0 1 2 -0 .0 1 »
(Da )v  X  105 0 .1 4 , 0.20, 0 .0 9 , 0 .1 5 ,
( D a ) v  X  10s 1 .8 2 , 1 .8 3 » 1 .8 2 , 1 .8 4 ,
(Du)0 X  106 1 .3 8 0 1 .3 5 , 1 .4 2 » 1 .4 0 ,
(D lt)0 X  106 0.00» 0.01, 0.01, 0.01»
(Da)0 X  10* 0 .1 5 , 0.22, 0.10, 0 .1 7 »
(D a )o X  10* 1 .8 3 » 1.86, 1 .8 3 » 1.86»
Bn 1 .0 1 9 4 , 1 .0 2 7 1 » 1 .0 2 9 4 , 1 .0 3 7 5 ,
Bn 0 .0 0 7 4 , 0 .0 0 7 6 , 0 .0 1 5 2 , 0 .0 1 5 7 ,
Bn 0 .0 0 4 8 » 0 .0 0 9 9 , 0 .0 0 4 9 » 0.0102»
Bn 1.0220, 1 .0 3 7 5 2 1 .0 2 7 1 , 1 .0 4 3 0 ,
d log 7i(o)/dTO - 0 . 0 6 1 , — 0 .0 2 7 2 - 0 . 0 2 7 , -0 .011»
d  log 7 2 (o)/dTO - 0 . 0 9 3 , - 0 . 0 5 8 » - 0 . 0 5 8 » - 0 . 0 4 1 ,
$ 0 .0 1 9 , 0 .0 1 7 , 0 .0 1 7 , 0 .0 1 6 ,
K a 0 .0 1 6 , 0 .0 1 6 » 0 .0 1 6 » 0 .0 1 6 »
0i 0 0 0 0

ft 0 0 0 0

° Diffusion coefficients are expressed as c m .s/ s e c . ;  they correspond to amounts of solute expressed as moles rather than 
grams.

r. _  t * _  1  d  l°g YHO) , d  lo g  7 2 (0)112 =  121 =  — JWi------j---------- 1- m , -----j ------------
to L dm dm

( toi — to2) $ J ------ g -  +  g  [TO,(2ft +  f t )  +

M 0 i  +  2ft)] (19c)
Equation 13c then becomes 

I’d "1 ■ L22 =  l'i2 +  r 2i -f- K a — 2(mift +  m2ft) (19d) 
Tests of the Onsager Reciprocal Relation 

In Table I are summarized the data for testing 
this relation at four compositions of the system 
NaCl-KCl-H20. The numbers in each column 
correspond to the composition defined by the 
molarities in the first two lines of the column. 
Each solute molality r m  was calculated from equa­
tion 7 by using these linear relations to represent 
the densities (g./ml.) reported by O’Donnell and 
Gosting9: near C, =  0.25 and C2 —  0.25 
P =  1.01883» +  0.0398i(Ci -  0.25) +

0.0457,(C2 -  0.25) (20a)
with an average deviation of ±0.0011%; near 
C, =  0.25 and C2 =  0.5 
p =  1.030166 +  0 .0 3 9 3 »(C , -  0 .2 5 )  +

0.0452,(C2 -  0.5) (20b)
with an average deviation of ±0.0004%; near 
Ci =  0.5 and C2 =  0.25 
P =  1 .0 287 1 , +  0 .0 3 9 3 ,(C i -  0 .5 )  +

0.0452,(02 -  0.25) (20c)
with an average deviation of ±0.0005%; and 
near Ci =  0.5 and Ct =  0.5

p  =  1 .0 3 9 9 5 , +  0 .0 3 8 9 ,(0 ,  -  0 .5 )  +
0 .0 4 4 7 ,(O i  -  0 .5 )  (2 0 d )

with an average deviation of ±0.0003%. The 
method of least squares was used to determine the 
coefficients in these equations. Partial molai 
volumes Vi of the solutes were obtained by use of 
equations 3 and 20; the molarities and partial 
molai volumes of the solvent were calculated from 
these data by using equations 4 and 5. Values of 
the measured diffusion coefficients,9 (Dy)v, shown 
in Table I were converted to diffusion coefficients 
for the solvent frame of reference, (D<;)0, by sub­
stituting the appropriate data into equations 2. 
The derivatives Bkj were evaluated using equations 
7a, 8 and 20.

Thermodynamic data for the binary systems 
NaCl-H20  and KC1-H20  at 25° have been tabu­
lated by Robinson and Stokes.11 From their values 
for the osmotic coefficients of these systems the 
values of $  shown in Table I were computed using 
equation 15a. Their tables also were used to ob­
tain the values shown31 for d log 7 i(o)/dm and d log 
7 2(0)/dm. The values for K a, and £¡2 are those 
obtained by Robinson10 from an analysis of iso-

(3 1 )  T h e se  v a lu e s  w e re  o b t a in e d  b y  p lo t t in g  o n  la r g e  g r a p h s  th e  
d a t a  (r e f .  11) f o r  logy i(o ) a n d  lo g  7 * 0) versu s  m  f o r  t h e  t w o  b in a r y  
s y s te m s  a n d  m e a su r in g  th e  s lo p e s  a t  th e  f o u r  re q u ire d  v a lu e s  o f  m . 
F o r  m  *■ 1 .0 2 7 2 $ , v a lu e s  o f  t h e  s lo p e s  w e re  a ls o  d e te r m in e d  b y  n u m e r i­
c a l  d i ffe r e n t ia t io n  (u s in g  N e w t o n ’s  in t e r p o la t io n  fo rm u la )  a n d  b y  
d iffe r e n t ia t io n  o f  c u b ic  e x p re ss io n s  w h ich  h a d  b e e n  f it t e d  b y  t h e  
m e th o d  o f  le a s t  sq u a re s  t o  t h e  ta b u la te d  d a t a :  t h e  th re e  m e th o d s
y ie ld e d  s lo p e s  w h ic h  a g re e d  w ith in  O.OOO7.
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T a b l e  I I

S u m m a r y  o p  T e s t s  o f  t h e  O n s a g e r  R e i .a t io n  a t  Four C o m p o s it io n s  o f  t h e  S y s t e m  NaCl KC1 H20  a t  25° 
Columns 1-4 summarize tests using experimental data; columns 5 and 6 summarize corresponding calculations using certain

approximations for the activity coefficients.
1 2 3 4 5 6

C l 0 .2 5 0 0 0 0 .2 5 0 0 0 0 .5 0 0 0 0 0 .5 0 0 0 0 0 .5 0 0 0 0 0 .5 0 0 0 0
c . .2 5 0 0 0 .5 0 0 0 0 2 5 000 .5 0 0 0 0 0 .5 0 0 0 0 0  5 0 000
Til -  .0 5 8 4 -  0 2 5 i -  .0 2 6 2 -  . 0 1 0 2 (log Yi =  con­ (log y ,  =  con­
T l2 — . 08 5 q -  .0 5 0 9 -  .0 5 2 0 — ,0 3 5 i stant and stant and
r 2i -  .0 8 5 9 -  .0 5 0 9 -  .0 5 2 0 -  0 3 5 i log 1/2 = log 7 5  =
U22 -  .0 9 6 6 — .0 5 9 9 -  .0 6 1 0 -  .0 4 3 2 constant) constant)
m / ( R T ) 5 .7 6 1 7 5 .2 51 ,3 3 .2 4 6 9 2 .9 8 9 6 3 3 .0 4 0 0
M.2/ ( R T ) 1 .6 5 2 2 1 .1 4 9 2 1 .1 4 5 3 0 .8 9 2 o 1 1 .0 6 1 3
w /(R T ) 1 .632.5 1 . 1 2 8 9 1 .1 2 4 3 0 .8 7 0 3 1 1 .0 4 0 0
M22/ { R T ) 5 .6 0 0 g 3 .1 0 5 3 5 . IOO9 2 .8 5 1 3 3 3 .0 6 1 3
( L n )0 X R T  X  lO 9* 2 . 6 O9 2 .7 8 5 4 .7 6 1 5 .1 5 0
( ¿ 22)0 X R T  X  1 0 s 3 .4 9 8 6 .3 5 9 3 .8 2 9 7 .0 1 6
( £ 12)0 X R T  X  109 -0 .7 5 5 -0 .9 8 9 - 1  04o -1 .5 4 8 - I .6 8 9 -1 .7 5 1
(£ 21)0 X RT X  109 -0 .7 2 9 - 0  946 -1 .0 0 6 — 1.474 -1 .6 9 9 -1 .7 3 5
% A exp6 - 3 . 5 - 4 . 4 - 3 . 3 - 4 . 9 0.6 - 0 . 9
“ The coefficients (£ i,) o  reported here are for flow equations expressed in moles of the components; they m a y  be converted 

to the corresponding coefficients for flow equations expressed in grams of components by multiplying each (£;,-)o bv the prod­
uct M iM j. b Calculated by means of equation 21a.

piestic data for the ternary system NaCl-KCl-H20 ; 
his value for (m +  a2) may be identified with K a, 
equation 14, because he found that /3i =  /32 — 0 
for this system.

The Onsager reciprocal relation may be tested 
by using the data in Table I to evaluate (Li2)0 
and (L2i)0. According to equation lc his relation 
is confirmed if the values obtained for these two 
coefficients are equal. For this computation ap­
propriate data from Table I were used to evaluate 
the r,.*, from equations 19, the Aik from equation 
10 and then the &j from equation 6. Finally, the 
values of (Li2)c and (L2i)o were obtained from equa­
tions le  and If; they are reported in columns 1-4 
of Table II, together with values for some of the 
intermediate quantities.

The percentage difference

<2i->
between these values of (L2i)o and (Li2)0 are shown 
in the last line. Values of (Ln)o and (L22)0 are 
included in Table II to indicate their magnitudes, 
although they are not needed for testing the Onsager 
relation.

Discussion
Columns 1—4 of Table II show that experimental 

data for this system satisfy the Onsager reciprocal 
relation for isothermal diffusion within 5%. For 
these tests to be meaningful, however, it is neces­
sary to consider experimental errors in the several 
data and their effects on the tests.

That erroneous interpretations may result from 
the use of some assumed or approximate data in a 
test of the Onsager relation can be seen by com­
parison of columns 4-6 of Table II. Column 5 was 
computed from the same values of (D{j)o that were 
used in column 4, but the mean ionic activity 
coefficients, t/i and ?/2, corresponding to the molarity 
concentration scale were arbitrarily assumed to be 
constant. Column 6 was computed in the same 
way as column 4, except that yi and y2, the mean 
ionic activity coefficients corresponding to the

molality concentration scale, were arbitrarily as­
sumed to be constant. Both of these assumptions 
fortuitously lead to an apparent excellent “ con­
firmation”  of the Onsager relation (within 1%). 
For the other compositions of this system, however, 
the arbitrary assumption that activity coefficients 
yi and yt are constant does not lead to such good 
agreement between (Ly>)0 and (_L2i)0; for two of the 
compositions these quantities differ by more than 
2 % .

The only experimental errors which may signifi­
cantly affect present tests of the Onsager relation 
(columns 1-4 of Table II) are those in the diffusion 
coefficients, (Di,)\, and in the data for activity 
coefficients. Conversion of the measured dif­
fusion coefficients from a volume-fixed to a sol­
vent-fixed frame of reference by using equation 2 
leaves the errors in the diffusion coefficients es­
sentially unchanged. This is because the ratios 
Ci/Ca are small and the Ci and F» are accurately 
known ; the C,- are known to about 0.01% and the 
Vi are probably within 0.3% of the true values. 
Similarly, when computing the /!»_,■ from equation 6, 
the errors in the Ihj are negligible compared to 
those in the Aik.

To show the effects of significant experimental 
errors on tests of the Onsager relation, we now de­
rive an expression for estimating the expected 
percentage errors, % Aest, in these tests. This 
expression is valid if, in the absence of experi­
mental errors, the values of (¿ i2)o and ( L 2i ) o are 
equal. As a first step the estimated difference 
between (¿ i2)o and (L2i)0

Aegt =  [(£21)0 — ( £ l 2)o] X RT  X  109}est. (21b)

is expressed in terms of estimated errors, ô(Z),y'n 
and ¿>1% in the diffusion coefficients and in the 
concentration dependences of the logarithms of the 
activity coefficients. Thus, neglecting products of 
errors, observing that the mt- and Ihj may be con­
sidered constant, and ignoring the difference be­
tween the cubic centimeter and the milliliter, we 
obtain from equations le, If, 6 and 10
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A,st =  [ ( f f r ) * / Ä l  X  10» 1m i2 « ( A . ) o -

Mh5(-D;2)o F  fJ-aàÇD-n Jo — UnKDnh 1 F  
4.605 [ftlftTn T  /'"l2öl'l2 4“ .^22̂ r22 ]}

where
(22)

En — Bi2(Dn\ — Bn(Dn)u (22a)
B\2 — Bn{Dii)o — Bn{Dii)a F-Bi2(-D2i)o — Bn(Dm)o (22b)

E 2 2 — BuiBn )n — B 1 1( 1 )2 2  )o (22c)
Errors in the main diffusion coefficients depend 

predominantly on errors in the cross-term diffusion 
coefficients when the former are evaluated by the 
procedure32 used to obtain the data9 considered 
here. It may be shown that

ä(Dn)v =  FiKDxùv F  (23a)
KB  22)v =  FzKBn)\ +  Ft5(D2i)v (23b)

where the coefficients F\, . . ., F4 can be calculated 
from available data.33 Into equation 22 we now 
introduce the good approximations 8(Dij)o ~  
S{Dij)v and substitute equations 23a and 23b. 
Equations 19 are then used to express the <sr,y in 
terms of errors in measured quantities associated 
with the activity coefficients. Finally we mul­
tiply by 100 and divide by the average experimental 
value, { [ ( L i 2) o +  (L2i)o]/2j X  RT X 109, to ob­
tain a convenient expression for the estimated 
percentage error in testing the Onsager relation:

[lO (g r )V 5 ] 8%AMt =  100

where

[(
(£ 12)0 ~{~ (£ 21)0̂ X  RT X  109

2  ^*5i

(24)

ft — [pnFx — /in -  ß2iF:i]/(RT) 
ft =  [ßizFi F  M22 — p2iFi\/(RT)  
ft — 4.605 X  10®(m,jw,)[F\ 1 T  E 12 F  E 2 2 ] 
f t  =  4.605 X  lO^fwu/w) fEu F  E\2 F  E2 2 1 
ft  =  4.605 X 106(l/m)[2r/?2l?n F

(m, — mi)Ei2 — 2toiẐ 22] f (24a) 
ft  =  -2 .3026 X  106f t 2 
ft  — 3.070 X  106[2m2Zqi F  (2??n F

mi)En F  m-iFm]
f t  — 3.070 X  10^[miEii F  (wii F

2m)Ei2 F  2 1 7 1 1E 2 2 ],,

The symbols 5,- denote errors in the several meas­
ured quantities and are defined in Table III in 
the column headed ( f t ) d e f -  Equation 24 is valid 
for any composition of a ternary solution of two
1-1 electrolytes with a common ion. To apply it 
to the system NaCl-KCl-H20  the coefficients 
xpi were calculated for each of the four compositions 
considered here; these values are listed in Table
III. All quantities required for calculation of 
these \pi are available in Tables I and II except 
for the Fi, which were found to be constant within 
±0.01 for the compositions considered and which

(3 2 )  E q u a t io n s  84 ^ 9 4  o f  r e f. 13.
(3 3 )  R e la t io n s  2 3 a  a n d  2 3 b , t o g e t h e r  w ith  e x p re ss io n s  f o r  th e  F i, 

F i,  F* a n d  F a, a re  o b ta in e d  b y  d iffe r e n t ia t io n  o f  e q u a tio n s  82 a n d  83 
o f  re f. 13 w h ile  a ssu m in g  t h a t  Ia , ¿>a . ¿ A .  Ri a n d  Rt a re  co n s ta n t . 
T h e se  q u a n t it ie s  m a y  b e  c o n s id e r e d  c o n s t a n t  b e c a u s e  t h e y  ca n  b e  
d e te rm in e d  m u c h  m o r e  a c c u r a t e ly  th a n  th e  c r o s s -te r m  d iffu s io n  c o e f ­
fic ien ts . T h e  tw o  re su ltin g  e q u a t io n s  a re  th e n  s o lv e d  fo r  th e  errors  
¿ (D ii)v  a n d  5(Z>22)v in  te rm s  o f  5(Z )i2)v  a n d  S(D 2i)v*  T h e se  c ro ss -te rm  
d iffu s io n  co e ff ic ie n ts  a re  l im ite d  in  a c c u r a c y  b e c a u s e  th e y  m u st  b e  
o b ta in e d  f r o m  d e v ia t io n s  o f  th e  r e fr a c t iv e  in d e x  g r a d ie n t  c u r v e  fr o m  
G au ssia n  s h a p e  b y  u s in g  t h e  m e a su re d  fr in g e  d e v ia t io n s , Q (see  e q u a ­
tion s  3 8  a n d  81 o f  r e f. 12 a n d  13, r e s p e c t iv e ly ) .

were found to have the values: I'\ =  F4 =  0.00. 
F2 =  -0 .8 6  and F3 =  -1 .17 .

We have estimated maximum values of the ex­
perimental errors, 5»; they are listed in the second 
column of Table III under the heading (ft) exp 
The same values of ft are used for all four compo­
sitions. Values of ±0.02 X  1 0 are assigned to 
Si and ft on the basis of probable errors in the Gouy 
fringe deviations which were used to calculate 
(Di2)v and (D2i)v33; concentration dependences of 
the diffusion coefficients and refractive increments 
cause some error in the (D*y)v, but these effects 
have been neglected because of the relatively 
small concentration differences between the two 
solutions used in each experiment.9 The errors 
shown for ft and ft are about 1.5 to 2 times 
greater than differences between derivatives of the 
data tabulated by Robinson and Stokes11 and of 
some corresponding data reported by other 
workers.34 -36 The value of ±0.002 for 5s cor­
responds to an assumed error of ±0 .1%  in the 
osmotic coefficient of each binary system for m 
— 0.5. Two cases are considered for the errors in 
K a, /Si and ft. In case (a) for which ft =  ft =  
0 (i.e., Harned’s rule is assumed to be perfectly 
valid) a value of ±0.001 is assigned to ft. For 
case (b) the values showm for ft and ft are estimates 
of the probable maximum deviations of ft and ft 
from zero37; for this range of ft  and ft, ft is esti­
mated to be ±0.004. From these estimated 
maximum errors were computed the products, 
iftft, as shown in Table III. Substitution of these 
products for cases (a) and (b), respectively, into 
equation 24, and use of data from Table II to 
evaluate the coefficient of the summation, gives the 
estimated percentage errors, %Aest, shown in the 
last two lines of Table III.

It is now of interest to compare the % A est  in 
Table III with the % Aexp in Table II. For each 
composition the % A e6t are approximately twice 
the value of the % A e x p ; these values are not in­
consistent because maximum expected errors are 
used for the ft. The % A est are seen from Table 
III to be essentially independent of composition 
over the range of concentrations considered here. 
The reason for this is apparent from equations 24 
if we restrict our consideration to the simple case 
that mi =  m2 = m /2  and if the Ik* contributes only a 
small fraction of the A*. Then if the concentra­
tion range is not too large and if the Si and Eij 
are constant, the contributions to % A est of the 
several terms depend approximately on compo­
sition as follows: those fo r i =  1,2 are independent 
of m; those for i  =  3,. . .,6 are proportional to m; 
and those for i — 7,8 are proportional to m*. 
Because errors ft and ft in the diffusion coefficients 
are considerably larger than other errors, the terms 
which are independent of m predominate here;

(3 4 )  T .  S h e d lo v s k y  a n d  D .  A .  M a c ln n e s ,  J . A m . C h em . S o c .,  5 9 , 
5 0 3  (1 9 3 7 ).

(3 5 )  H .  S . H a rn e d  a n d  M .  A . C o o k , ib id .,  5 9 , 1 29 0  (1 9 3 7 ).
(3 6 )  H . S . H a rn e d  a n d  M .  A . C o o k , ib id ., 6 1 , 4 9 5  (1 9 3 9 ).
(3 7 )  A n  e s t im a te  o f  /Si — /?2 w a s m a d e  b y  c o n s id e r in g  p o s s ib le  d e v ia ­

t io n s  fr o m  lin e a r ity  o f  th e  d a ta  p lo t te d  in  F ig .  18.1  o f  re f. 10 . A s ­
s u m in g  th a t  d 0 i / d m  =  d fo / d m  =  0 , a n  e s t im a te  o f  0 i +  0 2  is m a d e  
b y  o b s e r v in g  lin e a r  d e v ia t io n s  o f  cri +  oc2 (T a b le  4  o f  re f.  10 ) f r o m  a 
c o n s t a n t  v a lu e . S o lu t io n  o f  th ese  e x p re ss io n s  f o r  0i — 02 a n d  fo r  0 i —  
02 le a d s  t o  t h e  e s t im a te s  sh o w n  fo r  57 a n d  5«.
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T a b l e  IIP
M a x i m u m  E s t i m a t e d  E r r o r s  f o r  T e s t s  o f  t h e  O n s a g e r  R e c i p r o c a l  R e l a t i o n

Cl = 0.25 Cl = 0.25 Ci = 0.5 Ci = 0.5
,-----Ci = 0.25----- - ,-----Cl = 0.5 ----- . ,----- Ci = 0.25-----■ .----- C, = 0.5----- .

(¿i)def. (5i)cxp 'i'i yf/ifti 1I'i •Mi if'iSi iftiôi
Si =  S[(D12)y X  IO6] ± 0 .0 2 -3 .8 5 0.077 -3 .9 3 0.079 -1 .9 3 0.039 -1 .9 7 0.039
s2 =  S[(Dn)v X  IO6] ±  .02 4.18 .084 2.12 .042 4.12 .082 2.08 .042

i , _ / d log ynA
\ dm /

±  .002 -0 .7 3 .OOl -0 .4 7 O
 

O
 

►—6 - 0 .9 8 .002 -0 .7 1 OOl

5i _  J à  log y m \ ±  .002 -0 .7 3 .001 -0 .9 4 .002 -  .49 .001 -  .71 .001

Ss =  «4» ±  .002 -0 .6 0 .001 — 1.45 .003 .07 .000 -  .71 .001
Ô6 — SKa (a) ±  .001 1.07 .001 1.18 .OOl .97 .001 1.09 .001

(b) ±  .004 1.07 .004 1.18 .OO5 .97 .004 1.09 .OO4
Ô7  =  S/Si (a) 0 -0 .9 7 0 -1 .4 6 0 -1 .4 9 0 -1 .9 7 0

(b) ±  .001 -0 .9 7 .OOl -1 .4 6 .OOl -1 .4 9 .001 -1 .9 7 .002
Ss =  Sfa (a) 0 -0 .8 5 0 -1 .6 9 0 -1 .0 1 0 -1 .7 3 0

(b)

OO-H -0 .8 5 OOl -1 .6 9 .002 -1 .0 1 .001 -1 .7 3 .002
Aest (a) ± 7 .5 ± 8 .8 ± 8 .0 ± 7 .3

(b) ± 7 .7 ± 9 .3 ± 8 .3 ± 7 .9
“ Because the S, may be either positive or negative, values of are reported without regard to sign; the % i , ,t  in the 

last two lines were obtained from equation 24 by assuming that these products all have the same signs. In practice some 
of the products probably have opposite signs, causing some cancellation of errors, and some experimental errors will 
be less than the assigned values, 5,-. Therefore it is not unreasonable that the above values of % Ae,t are about twice the 
observed differences, % Ae, p, in Table II.

they may also be expected to predominate even at 
considerably higher concentrations if the 5,- and 
Eij remain essentially constant. Therefore it 
seems that more accurate methods for measuring 
( D 12) v  and (Z>2i)v must be developed before better 
tests of the Onsager reciprocal relation can be made 
with this system. Nevertheless, data for diffu­
sion at appreciably higher electrolyte concentra­
tions would be valuable, even if higher accuracy 
could not be achieved, because the derivatives 
r «  would then contribute different proportions of 
the derivatives /i,y in a test of the Onsager relation.

No detailed comparisons of the above tests of 
the Onsager relation with those reported by Mil­
ler20 are possible until the paper giving details of 
his calculations is available. One difference, 
already noted, is that he used approximate, rather 
than measured, data for the activity coefficients; 
for the system NaCl-KCl-H20  he used Harned’s 
rule with a\ =  ff>, which is equivalent to assuming 
that K a — fa =  ft  =  0. By using the appropriate 
value of yps from Table III we estimate from equa­
tion 24 that his approximation, corresponding to 
5e =  SKa =  —0.0168, would lead to a value of —3.3 
instead of —4.9 for %Aexp for the case Ci =  U2 =  
0.5 (see Table II). Thus for this system use of 
the experimental, instead of the assumed, value of 
K a actually increases the difference between (Z,i2)0 
and ( L 2i ) o. This emphasizes the fact that good 
experimental data for all quantities are necessary 
for rigorous tests of the Onsager reciprocal relation.
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Appendix
Expressions for the Partial Molal Volumes of 

Solutes in Multicomponent Systems.— Consider a 
solution containing q +  1 components designated 
by the subscripts 0 , . . .  ,q ; here 0 denotes the sol­
vent. The volume, V, of the solution is given by

V  =  £  n j M i / p  ( A - l )
3 = 0

where nj is the number of moles of component j  
with molecular weight Mj, and p is the density of 
the solution in g./ml. Differentiation with re­
spect to n, at constant temperature and pressure 
and use of the expression

lOOOn,- 
m i  =  n0M 0

(A-2)

for the molality of component j  yields an expres­
sion for the partial molal volume, F,-, of solute i 
in ml./mole

(A-3)

Equation A-3 may be expressed in terms of mo­
larities by means of the relation

Gt o , ? !  (àcì)C a t i ó n i ) (A_4)

and the two equations relating molalities to molar­
ities, Ci,

and

--------- --------------------- <A-5>
p  -  Y ,  M  ¡ 0 , - / 1 0 0 0  

3=1

Ci  _ ------------_ m i ---------------- ( A - 6 )

1 +  M kmi/1000
k- 1
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A fter  som e m an ipu lation s on e obta in s

where

y  =  M i -  lOOOffj

9 ~  Ì  H f i i  
i = 1

Hi = (dP/dC,)r,l‘,ck̂  (A-8)

The derivatives Hi may be determined readily 
when the density is known as a function of the 
solute molarities. Equation A-3 may be employed 
directly to obtain Vi for solute i if the density is 
known as a function of mt.
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A differential thermal analysis and thermogravimetric study of the thermally unstable barium perchlorate-potassium 
nitrate system revealed that its physico-chemical behavior at elevated temperatures varies widely with composition. Dif­
ferential thermal analysis first revealed the occurrence of an exothermal, solid state, metathetical reaction which takes 
place at 325°, predominantly close to the stoichiometric composition. The reaction, which is thermodynamically spon­
taneous and involves cations of equal crystal radii, was found by X-ray diffraction analysis to go to completion; therefore, 
the potassium perchlorate-barium nitrate system which is produced must be the stable salt pair. The diversity in the 
thermal behavior of this system at elevated temperatures can be elucidated satisfactorily on a basis of (a) the physico­
chemical properties and reactions characteristic of the four reciprocal salts which are present as a result of the solid state 
metathesis, and (b) the fusion of an exceedingly potassium nitrate-rich mixture of the original ingredients.

Introduction
The thermoanalytical techniques of differential 

thermal analysis and thermogravimetry are ver­
satile experimental tools which are finding in­
creasing application in chemical research. Dif­
ferential thermal analyses furnish data relative to 
the evolution or absorption of heat as a result of the 
high temperature physico-chemical phenomena 
characteristic of the sample under study, while 
thermogravimetric curves yield data concerning 
any physical or chemical reactions accompanied by 
weight changes that occur at elevated temperatures. 
A thermoanalytical study of the system potassium 
perchlorate-barium nitrate utilizing these tech­
niques1 revealed varied and interesting thermal 
effects which suggested an investigation of the high 
temperature phenomena characteristic of the re­
ciprocal system barium perchlorate-potassium 
nitrate. In common with the potassium per­
chlorate-barium nitrate system, the system con­
sidered here exhibits thermal instability which 
precludes its study by conventional cooling curve 
techniques. Therefore, differential thermal analy­
sis and thermogravimetry were employed. The 
thermal behavior of the barium perchlorate-potas­
sium nitrate system varies widely with the compo­
sition of the particular mixture under study. 
However, this variation in thermogravimetric and 
differential thermal analysis behavior with compo­
sition can be accounted for satisfactorily by as­
suming the fusion of a eutectic mixture of the in­
gredients and the occurrence of a metathetical 
reaction between them, in addition to the physico­
chemical reactions of the pure materials.

Reagents.— Potassium nitrate, analytical reagent grade 
(Fisher Scientific Co.); barium perchlorate, Desicchlora 
(made by G. Frederick Smith Chemical Co. for J. T . Baker 
Chemical C o .) were used. It was found necessary to prepare 
the individual samples from reagents freshly dried at 200°. 
In the presence of moisture, binary mixtures of these salts

(1) V . H ogan and S. Gordon, T h i s  J o u r n a l ,  62, 1433 (1958).

apparently undergo a metathetical reaction which destroys 
the potassium nitrate at the temperature necessary to com­
pletely dry barium perchlorate.

Apparatus and Procedures.— The differential thermal 
analysis and thermogravimetric apparatus employed have 
been described previously.2 Four gram samples were taken 
for differential thermal analyses and an equal volume of 
alumina served as the reference material. In the D TA 
curves the temperature difference between the sample and 
reference materials is plotted as a function of the sample 
temperature. Conventionally, exothermal reactions appear 
as upward deflections while endothermal reactions appear as 
downward deflections. Three hundred and fifty milli­
gram samples were used in the thermogravimetric analyses 
with a range of 200 mg. full-scale for changes in weight. 
Thermogravimetric curves are plotted as loss in weight as a 
function of furnace temperature. This furnace temperature 
was found to be five to thirty degrees higher than the actual 
sample temperature at the heating rate used. In both 
thermoanalytical techniques the furnace is set for a linear 
heating rate of 15° per minute.

Results and Discussion
Differential thermal analysis and thermogravi­

metric curves for the ingredients are illustrated in 
Fig. 1. Differential thermal analysis of pure bar­
ium perchlorate reveals one endothermic crystal­
line transition at 290° and possibly a second at 
about 365° prior to melting at 490° and vigorously 
exothermic decomposition at 500°. The accom­
panying thermogravimetric curve displays a loss 
in weight equivalent to decomposition to barium 
chloride at 535°. The DTA curve of pure potas­
sium nitrate exhibits first an endothermic crystal­
line transition at about 130°. A small exothermic 
spike at 330° culminates in endothermic fusion at 
340°. A slight bubbling reaction starts at about 
675°, although no definite thermal reaction is 
occurring. The bubbling most probably is due to 
slight impurities which are oxidized and escape as 
carbon dioxide or oxides of nitrogen. The sample 
does not begin to decompose visibly until tempera­
tures above 750°. The thermogravimetric curve

(2) V . Ilogan, S. Gordon and C . Cam pbell, A n al. Chem., 29, 306 
(1957).
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Fig. 1.— Differential thermal analysis and thermogravi- 
metric curves for pure barium perchlorate and pure potas­
sium nitrate: (a) barium perchlorate; (b) potassium nitrate
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Fig. 2.— Differential thermal analysis and thermogravi- 
metric curves for the system barium perchlorate-potassium 
nitrate: (a) 30% barium perchlorate-70% potassium ni­
trate, mole ratio 1:7.8; (b) 50% barium perchlorate-50% 
potassium nitrate, mole ratio 1:3.3.
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Fig. 3.— Differential thermal analysis and thermogravi- 
metric curves for the system barium perchlorate-potassium 
nitrate: (a) 62.5% barium perchlorate-37.5%  potassium 
nitrate, mole ratio 1:2, (b) 70% barium perchlorate-30 % 
potassium nitrate, mole ratio 1:1.4.

of potassium nitrate shows a weight loss beginning 
at about 575° and ending at 960° which corresponds 
to complete conversion to potassium oxide.

The differential thermal analysis and thermo- 
gravimetric behavior of the mixtures, Fig. 2 and 3, 
vary with the composition. The thermogravi- 
metrically determined temperature at which per­
chlorate ion loses its oxygen ranges from 560° for 
1 to 2 mole ratio barium perchlorate-potassium 
nitrate to 610° for the 1 to 7.8 composition, com­
pared to 535° for pure barium perchlorate and 
600° for pure potassium perchlorate.1 The DTA 
curves of the mixtures containing 50% or less 
potassium nitrate exhibit a sharp exotherm at 325°,

which cannot be attributed to any of the physical 
or chemical reactions of the pure ingredients, 
while that of the mixture containing 70% potassium 
nitrate shows a fusion endotherm at 315° instead 
of the exotherm at 325°. However, all the DTA 
and TGA behavior of the mixtures can be satis­
factorily elucidated, if one assumes, in addition 
to the physico-chemical reactions of the pure in­
gredients, the fusion of a potassium nitrate-rich 
eutectic mixture of the ingredients and the occur­
rence of a solid state, metathetical reaction such 
as
Ba(C10,)2 +  2KNO, - a- Ba(NO,)2 +  2KC10*

AH at 325° =  —13.5 kcal./mole
Unfortunately, free energy calculations cannot 

be made for this reaction because values for neither 
the free energy of formation nor the entropy of 
barium perchlorate at any temperature are avail­
able in the literature. However, the entropy 
change necessary to make the free energy change of 
the above reaction zero, calculated from the heat 
of reaction is —22.5 cal./degree/mole at 325°. 
The relative magnitude of the entropy change for 
a reaction can be estimated qualitatively from the 
stoichiometry, i.e., AS will be positive and rela­
tively large where the number of moles of products 
exceeds the number of moles of reactants; it will 
be relatively small where the number of moles 
remains the same; and it will be negative and 
relatively large where the number of moles of 
products is less than the number of moles of 
reactants. The metathetical reaction postulated 
is of the type which should involve a small entropy 
change, while the value necessary to make the free 
energy change zero, —22.5 cal./degree/mole, is 
relatively large. Therefore, it seems likely that the 
free energy change in this reaction is negative, 
meaning that the reaction is thermodynamically 
spontaneous.

This interpretation is further supported by the 
previous investigation of the potassium perchlorate- 
barium nitrate system. The perchlorate and 
nitrate DTA and thermogravimetric decomposition 
patterns exhibited by mixtures of potassium nitrate- 
barium perchlorate containing 50% or less potas­
sium nitrate are similar to those exhibited by bar­
ium nitrate-potassium perchlorate samples of 
corresponding composition where eutectic fusion 
precedes barium nitrate catalyzed, exothermic or 
endothermic perchlorate decomposition.1 The ap­
propriate decomposition is identified easily since 
perchlorate decomposition involves a vigorous, 
visible evolution of oxygen, and nitrate decompo­
sition evolves red-brown oxides of nitrogen.

The DTA curves of the mixtures for which this 
reaction is postulated indicate that it is a solid 
state phenomenon. In addition, the crystal lat­
tice structures of the high temperature forms, in­
dicated in Table I, are basically the same and in­
volve a simple configuration and spatial symmetry 
that should facilitate the ionic mobility necessary 
to effect a solid state metathetical reaction. Dif­
ferential thermal analysis indicates that barium 
perchlorate undergoes two transitions, one at 290° 
and one at 360°. According to the literature, 
barium perchlorate crystals are hexagonal at room
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T able I

Crystal Structure as a F unction of T emperature

Formula
Transitiontemp.,

°C.
Crystalline

modifications
Ba(C104)2 360 ?6 —  cubic“
KCIO, 300 rhombic —* cubic
k n o 3 128 rhombic —► trigonal
B a(N 03)2 cubic —» (cubic)

See ref. 3. 1 Hexagonal —*■(?) at nominally 290°.

temperature; above 360° they are body centered 
cubic.3 However, the transition indicated by the 
endotherm at 290° has not yet been identified. 
This concept is further supported by the similarity 
of the crystal radii of the cations B a + +  and K+,
1.35 and 1.33 A., respectively.4 In a comprehen­
sive review of solid state reactions, including thermo­
dynamic and kinetic considerations, Hedvall and 
Cohn affirm that reactions of mixtures involving 
solid phases only are exothermic.6 More recent 
data indicate that defects in the crystal lattice 
are responsible for solid state reactions.6 To ob­
tain experimental confirmation for the postulated 
solid state reaction, a finely ground mixture of 2 
to 1 mole ratio potassium nitrate-barium per­
chlorate was heated for 11 hours at 326°, the tem­
perature of the observed exotherm. No visible 
melting was observed, although the sample was 
converted from a free flowing powder to a solid, 
easily crushed lump. X-Ray diffraction analysis 
of the crushed material revealed that it consisted 
of barium nitrate and potassium perchlorate. A 
similar experiment where a larger sample was heated 
at this temperature for two hours showed the pres­
ence of both products and reactants, while a portion 
heated at 175° showed the presence of only the 
reactants, barium perchlorate and potassium nitrate. 
These data show that the reaction goes to comple­
tion and therefore potassium perchlorate and barium 
nitrate must be the stable salt pair in this reciprocal 
system.

The DTA curve of the 30-70 mixture, Fig. 2, 
a mole ratio of 1 to 7.8 barium perchlorate-potas­
sium nitrate, displays first the endothermic crystal­
line transition of potassium, nitrate at 130°, fol­
lowed by an endothermic shoulder at about 200° 
which is due to moisture absorbed by the barium 
perchlorate during handling. This effect has been 
confirmed by comparison with DTA curves of 
dried and undried barium perchlorate. Then there 
is a small endothermic peak at about 290° cor­
responding to the first crystalline transition of 
barium perchlorate. This is followed by an endo­
therm starting at about 315° which, since partial 
melting is observed, may be due to the fusion of a 
eutectic mixture of the ingredients. A further 
study of this composition region of the binary 
system will be undertaken. The completely 
molten sample exhibits an exothermal trend which 
culminates in a shallow endotherm at about 575° 
immediately prior to a weakly exothermal per-

(3 )  J . J . C a m p is i , u n p u b lis h e d  resu lts , P ic a t in n y  A rsen a l.
(4) L . Pauling, “ The N ature of the C hem ical B ond,”  Cornell 

Univ. Press, Ithaca, N . Y ., 1944, pp. 343-350.
(5) J. A . H edvall and G . Cohn, K ollo id -Z ., 88, 224 (1939).
(6) A . L . G . Rees, “ Chem istry of the D efect Solid S ta te ,”  John 

Wile}' an d  S o n s . New Y ork, N. Y ., 1954.

chlorate decomposition at 590°. Nitrate de­
composition takes place above 700°. Thermo- 
gravimetric analysis of this mixture shows a weight 
loss equivalent to the loss of oxygen from barium 
perchlorate at 610° followed by a further more 
gradual loss above 700° due to nitrate decompo­
sition.

Differential thermal analysis of 50-50 barium 
perchlorate-potassium nitrate, Fig. 2, a mole 
ratio of 1 to 3.3, exhibits first the crystalline 
transition endotherm of potassium nitrate. The 
endotherm at 290° caused by the first crystalline 
transition of barium perchlorate culminates in a 
steep exotherm at 325° due to the exothermal 
sohd state metathesis. By the time the melting 
point of potassium nitrate, 340°, is reached, the 
metathesis is well along and the heat of fusion of 
the excess potassium nitrate (1.3 moles X  2.8 
kcal./mole =  3.6 kcal.) is insufficient to influence 
appreciably the exothermal reaction (13.5 kcal./ 
stoichiometric mole ratio). The sample, which at 
this point contains barium nitrate, potassium 
perchlorate and a small excess of molten potassium 
nitrate, melts during the succeeding broad, ill- 
defined endotherm which peaks at 440°. Highly 
endothermic perchlorate decomposition takes place 
at 560° and nitrate decomposition above 700°. 
The thermogravimetric curve shows that the loss 
of oxygen from barium perchlorate occurs at 580° 
followed, above 700°, by a further gradual loss 
presumably due to nitrate decomposition.

As shown in Fig. 3, the DTA curve of the 1:2 
barium perchlorate-potassium nitrate mixture, 
62.5-37.5% by weight, which is stoichiometric 
for the metathetical reaction displays first the endo­
thermic crystalline transition of potassium nitrate 
at 130°. Then there is an endothermic peak at 
290° corresponding to the first crystalline transition 
of barium perchlorate culminating, at 325°, in a 
high sharp exotherm due to the metathetical re­
action. This reaction would completely obscure 
both the melting point of potassium nitrate 
(340°), and the second transition of barium per­
chlorate (365°), if they are present at this stage of 
the reaction. The next thermal phenomenon is a 
broad multiple endothermic peak extending from 
400 to 510° during which the sample, which now 
consists of barium nitrate and potassium perchlo­
rate, melts. This endotherm corresponds roughly 
to the eutectic fusion endotherm observed at 465° 
on the DTA curves for the reciprocal system 
potassium perchlorate-barium nitrate. It is suc­
ceeded by markedly endothermic perchlorate de­
composition at 545°. Endothermic nitrate de­
composition occurs above 700°. The comple­
mentary thermogravimetric analysis indicates loss 
of oxygen from perchlorate ion at 560° and then a 
gradual loss above 700° due to nitrate decompo­
sition.

Differential thermal analysis of the 70-30 bar­
ium perchlorate-potassium nitrate mixture, Fig. 3, 
a mole ratio of 1 to 1.4, shows a different combi­
nation of effects, since the barium perchlorate is 
in excess of the amount required for the metathetical 
reaction. The endothermic crystalline transition of
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potassium nitrate is observed at 130°. The endo- 
therm at 290° corresponding to the first crystal­
line transition of barium perchlorate culminates in 
the sharp exotherm at 325° caused by the solid 
state metathesis. All of the potassium nitrate is 
used up in the reaction and the next break in the 
curve is a shallow endotherm at 360° corresponding 
to the second crystalline transition of the excess 
barium perchlorate. During the endotherm at 
410°, the sample, which now consists of barium 
nitrate, potassium perchlorate and excess barium 
perchlorate, melts completely. This endotherm is 
succeeded immediately by exothermic perchlorate 
decomposition at 535°. The 410° endothermic

fusion and subsequent perchlorate decomposition 
observed with this sample is similar to that ex­
hibited by potassium perchlorate-barium nitrate 
mixtures at 465°. This system, however, is in­
herently more complex since the metathetical re­
action occurring in the presence of an excess of one 
of the reactants results in a ternary system. This 
in turn may lead to the formation of lower melting 
eutectics. Nitrate decomposition occurs above 
700°. On thermogravimetric analysis the mixture 
loses an amount of weight equivalent to the de­
composition of barium perchlorate to barium chlo­
ride at 565°. It undergoes a further loss in weight 
above 700° due to the decomposition of nitrate ion.

M A G N E T I C  S U S C E P T I B I L I T I E S  O F  T H E  C U P R I C  S A L T S  

O F  S O M E  a , w - D I C A R B O X Y L I C  A C I D S

By Osamu A sai, M ichihiko K ishita and M asaji K ubo

Chemical Department, Nagoya University, Chikusa, Nagoya, Japan 
R ece iv ed  A u g u s t  4, 1 9 5 8

The magnetic susceptibilities of the cupric salts of «,co-dicarboxylic acids, IIOOC (CH2) 2COOH with n =  2-10, were 
measured by the Gouy method at room temperature. The diamagnetic susceptibilities of the free acids were also meas­
ured. From these data, the effective magnetic moments were evaluated per one copper atom of these salts. They are 
smaller than the theoretical spin-only moment, 1.73 Bohr magnetons, for a single unpaired electron, except that of cupric 
malonate. The effective magnetic moment plotted against n, the number of carbon atoms in the acid radicals, shows a 
zig-zag line: the moment of the cupric salt having an odd n value is greater than those of the adjacent homologs of even 
n values. This alternate dependence upon the number of carbon atoms in a normal chain is striking only for the lower mem­
bers of this series. An adequate explanation for these experimental results is presented based on the plausible structures of 
the salt crystals that can be presumed from the geometric configuration of cupric acetate monohydrate as well as of an oxalic 
acid radical.

Introduction
Although copper has-an odd atomic number, it is 

usually bivalent. The resulting compounds have 
an odd number of electrons in their monomeric 
forms. Accordingly, provided that the ordinary 
LS coupling exists, the theoretical spin moment is
1.73 Bohr magnetons for a single unpaired electron 
and the orbital contributions add to rather than 
subtract from the spin moment, because the copper 
atom has a more than half filled 3d subshell.1 In 
fact, cupric compounds generally show a magnetic 
moment of about 1.8 B.M. or slightly more, in mag­
netically dilute compounds and solutions.2 Some 
cupric compounds, however, show smaller effective 
moments than the theoretical moment. Cupric 
acetate is one of these compounds showing sub­
normal magnetic moments that have been most 
extensively studied. For this compound, the exist­
ence of some sort of magnetic coupling between two 
copper atoms in an isolated pair has been suggested 
by the decreasing magnetic susceptibility deter­
mined by Guha3 and others4 as the temperature 
was lowered as well as by the decreasing intensity of 
the paramagnetic resonance absorption with de-

(1 )  F o r  e x a m p le ,  in  a  c h lo r in e  a t o m  h a v in g  a  m o r e  th a n  h a lf  f ille d  
3 p  s u b s h e ll ,  t h e  *Pt/s l e v e l  is  lo w e r  th a n  t h e  * P i/i  le v e l ,  w h erea s  in  a n  
e x c i te d  s o d iu m  a t o m  h a v in g  a  less  th a n  h a lf  f ille d  3 p  s u b s h e ll ,  *Pi/2  is  
lo w e r  th a n  *P»/3.

(2 )  P ,  W. S e lw o o d , “ M a g n e t o c h e m is t r y , ’ ' I n t e r s c ie n c e  P u b lish e rs  
I n c . ,  N e w  Y o r k ,  N .  Y . ,  2 n d  e d . ,  195 6 , p .  2 3 5 . S e e  a ls o  th e  first 
e d it io n ,  194 3 , p .  100.

(3 )  B . C . G u h a , P r o c .  R o y .  S oc . (L o u d o n ),  A 2 0 6 , 3 5 3  (1 9 5 1 ).
(4 )  B . N . F ig g is  a n d  R .  L . M a r t in ,  J . C h em . S o c ..  3 83 7  (195G L

creasing temperature observed by Bleaney and 
Bowers.5 6 It was finally confirmed by the X-ray 
crystal analysis on cupric acetate monohydrate 
carried out by van Niekerk and Schoqning,6 who 
revealed that the real unit composing the crystal is 
a dimeric molecule, in which the Cu-Cu distance, 
2.64 A., is nearly equal to that in metallic copper, 
2.551 A. Here is a means for the structural eluci­
dation of cupric compounds by magnetic measure­
ments. This paper presents the results of magneto­
chemical study undertaken in order to investigate 
the structures of the cupric salts of a,oj-dicarboxylie 
acids, HOOC(CH2)n-2COOH withn =  2-10.

Preparation of Materials.— One part of commercially 
available oxalic acid was dissolved in about 50 parts of water. 
Cupric carbonate was added to the solution until no further 
evolution of carbon dioxide took place while the solution 
was warmed gently at 60-70°. The solution was filtered 
and the filtrate was evaporated. The precipitates of cupric 
oxalate were separated, washed with water and purified by 
repeated recrystallization. Cupric malonate, succinate and 
glutarate were prepared in the same way.

The samples of adipic, pimelic, suberic, azelaic and sebacic 
acids were furnished from Toyo Rayon Company. Adipic 
acid (m .p. 149-150°) was prepared by the oxidation of cyclo­
hexanone with nitric acid. The specimen of pimelic acid 
(m.p. 104-105°) was drawn from Wako Pure Chemicals 
Company. A  sample of suberic acid (m .p. 141-141.5°) 
was prepared by the method described by Vanino.7 It was

(5 ) B . B le a n e y  a n d  K .  D .  B o w e r s , P h il .  M a g .,  [7 ] 4 3 , 3 7 2  (1 9 5 2 ) ;  
P r o c .  R o y .  S o c . (L o n d o n ),  A 2 1 4 , 451  (1 9 5 2 ) .

(6 )  J . N . v a n  N ie k e r k  a n d  F . R .  L .  S c h o e n in g , N a tu re ,  1 7 1 ,  3 6  
(1 9 5 3 ) ;  A c ta  C ry s t .,  6 , 2 2 7  (1 9 5 3 ).

(7 )  L .  V a n in o ,  “ H a n d b u c h  d e r  p r iip a ra t iv e n  C h e m ic .  I I .  O r g a n i-  
s ch e r  T e i l , ”  F e r d in a n d  E n k e , S tu t tg a r t ,  1937 , p .  135.
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decolorized by means of carbon black and subjected to recrys­
tallization several times from waoer. The final preparation 
showed a melting point slightly higher than that given by 
Vanino, 140°, but lower than the highest one found in the 
literature, 144°. The specimen of azelaic acid (m.p. 106.5- 
107.5°) was procured from Nippon Ozone Company, in 
which CH3(CH2)7C H = C II(C H 2}7COOH was subjected to 
ozonolysis to obtain nonanoic acid CsH^COOH and azelaic 
acid. Sebacic acid (m.p. 133-134°) was imported from the 
United States. These acid samples were purified by recrys­
tallization from water or ethanol. The melting points 
given above are in good agreement with those found in the 
literature, except that of the suberic acid preparation. 
Each of these acids was dissolved in water and the solu­
tion of cupric acetate was added to it in excess. The pre­
cipitates were washed thoroughly with warm water.

With the increasing chain length, the yield decreased and 
the available amount did not permit repeated recrystalliza­
tion as was done for the lower members. In particular, the 
yield of the suberate was small.

The malonate was blue while other cupric salts assumed a 
blue color tinged with green. The oxalate, malonate and 
succinate showed a decrease in weight on heating at 110° 
for about 12 hours, the water of crystallization calculated 
therefrom being 1 /2 ,3  and 2 molecules of water per one atom 
of copper, respectively. The observed loss in weight on 
heating was 3.6, 24.5 and 16.4%, respectively, for the oxa­
late, malonate and succinate, as compared with the theo­
retical figures, 5.6, 24.6 and 16.6%. The water-tree samples 
were stable and did not take up water again even when they 
were left to stand in atmospheric air. The absence of water 
of crystallization in these nine dried cupric salts was con­
firmed by the examination of their infrared absorption 
spectra in Nujol mulls over the wave number range covering 
3000-3750 cm .-1, where the OH stretching vibrations of 
water would have appeared.

Experimental Method and Results.— Magnetic suscepti­
bilities were determined at room temperature by means of 
the powder method using a Gouy magnetic balance described 
in our previous report.8 From the measured magnetic sus­
ceptibility xe per gram,9 the molar magnetic susceptibility 
Xm was calculated for each anhydrous cupric salt as well 
as its hydrate, if it was available. Measurements were made 
also of the magnetic susceptibilities of the free acids and the 
observed values were assumed to be equal to the diamag­
netic contributions xdia from the portions of cupric salts other 
than ccpper, the loss of two hydrogen atoms in salt forma­
tion being merely the removal of protons leaving electrons 
on the acid radicals. In the case of oxalic acid, the sucepti- 
bility of its dihydrate was determined and the contribution 
from water molecules was subtracted from it to obtain xdia- 
The diamagnetic contribution x<iia of the acid part of each 
salt was also calculated from Pascal’s constants.10 The dif­
ference between the observed and calculated values was so 
small as to cause no appreciable changes in the final values 
of the effective moment. Since the available amount of 
suberic acid was too limited to permit direct measurements, 
the value calculated from Pascal’s constants was used for 
Xdia*

Allowing for the diamagnetism and assuming the validity 
of Curie-Langevin law, the effective magnetic moments 
per one copper atom were calculated from the molar sus­
ceptibilities x m  as

m =  2.83 [(xm -  Xdia)T ] ‘/ .

The results are shown in Table I.

Discussion
The effective magnetic moments of these com­

pounds are definitely smaller than the spin-only 
value for a single unpaired electron, except that of 
cupric malonate, which has a slightly higher mo­
ment than the theoretical value, the difference be­
ing attributable to orbital contributions. The ef-

(8) M . K ondo and M . K u b o, T h i s  J o u r n a l , 61, 1648 (1957).
l9) Throughout this article, the data of m agnetic susceptib ility are 

given in e.g.s. e.m .u.
(10) In  la ter publications from  P a scal’s laboratory, the combined 

value for the tw o oxygen atom s in carboxylic acid is given as — 7.95 
X  10 “«. See also ref. 2, p . 92.

T a b l e  I
T h e  M o l a b  M a g n e t i c  S u s c e p t i b i l i t i e s , t h e  D i a m a g n e t i c  

C o n t r i b u t i o n s  a n d  t h e  E f f e c t i v e  M a g n e t i c  M o m e n t s  

i n  B.M . o f  t h e  C o p p e r  S a l t s  o f  a ,« -D iC A R B O X Y L ic  

A c i d s , HOOC(CH2) „ - 2COOH w i t h  n =  2-10

Com pounds
T

(°K .)
XM X 

10«
Xdia

Obsd.
X  10« 

C aled. (B .M .)

Oxalate 288 591 - 3 4 - 3 4 1.20
Malonate 286 1312 - 4 6 - 4 6 1.76
Succinate 299 755 - 5 7 - 5 8 1.40
Glutarate 300 792 - 6 9 - 6 9 1.45
Adipate 289 690 - 7 8 -8 1 1.33
Pimelate 291 765 - 8 8 - 9 3 1.41
Suberate 288 792 -1 0 5 1.44
Azelate 290 751 -1 0 9 -1 1 7 1.41
Sebacate 288 776 -1 2 4 -1 2 9 1.44
Oxalate.y2aq 295 623 -4 1 -4 1 1.25
Malonate-3aq 296 1513 -8 5 - 8 5 1.95
Succinate-2aq 298 736 -8 3 - 8 4 1.40

Fig. 1.— Dependence of the effective magnetic moment in 
B.M. per one copper atom of the anhydrous copper salts of 
a,«-dicarboxylic acids upon the number of carbon atoms in 
the acids. The broken line indicates the theoretical spin- 
only moment, 1.73 B.M., for a single unpaired electron.

fective moment plotted against the number of car­
bon atoms in the acid molecules gives a zig-zag line 
as shown in Fig. 1: the cupric salt of a dicarboxylic 
acid having an odd n-value shows, in general, a 
greater effective moment than the neighboring hom­
ologs do. This fluctuation is striking only for the 
lower members of this series and becomes less pro­
nounced with the increasing chain length of acid 
molecules until it is so small beyond pimelic acid that 
the alternate dependence upon the chain length is 
irregular or the existing regularity is masked by ex­
perimental errors, etc. The zig-zag shape of the 
curve of magnetic moments has been observed also 
for a series of bis-(N-alkylsalicylaldimine)-nickel-
(II) complexes by Sacconi, Paoletti and Del Re.11

Ploquin12 has measured the magnetic susceptibil­
ities of various organic salts of bivalent copper, but 
since his discussion was based on the structure

(11) L . Sacconi, P . P aoletti and G . D el R e, J . A m . Chem. S oc.t 79, 
4062 (1957).

(12) J. Ploquin, B ull. soc. chim. F ran ce , 757 (1951).
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Fig. 2.— Schematic representation of the presumed struc­
tures for cupric oxalate (a) and cupric succinate (b). Black 
circles stand for carbon atoms, white ones for oxygen atoms 
and shaded ones for copper atoms.

O O
/  \  /  \

r C Cu Cl-,
I \  /  \  /

o  o

1— -(CH,)„-2-----

his discussion need not be considered here. The 
data on some of the cupric salts that are available 
in tables18 are not in exact agreement with those of 
the present study, but qualitatively the agreement 
is fairly good. In particular, the high magnetic 
susceptibility for the malonate hydrate is repre­
sented in both cases. The tabular values for oxalic, 
malonic and succinic acids are in complete agree­
ment with the present ones.

The observed magnetic moment, 1.20 B.M., of 
cupric oxalate is a little smaller than the moment,
1.3-1.4 B.M., of anhydrous and hydrated cupric 
acetates determined by Figgis and Martin4 at room 
temperatures. It is definitely established beyond 
all doubt by the X-ray crystal analysis carried out 
by van Niekerk and Schoening6 that the subnormal 
magnetic moment of cupric acetate monohydrate is 
intimately associated with the close distance of ap­
proach of two copper atoms in a dimeric molecule, 
Cu2(CH3C00)4-2H20. According to Bleaney and 
Bowers,6 a strong coupling due to exchange forces 
exists in an isolated pair of copper atoms, leading to 
the interaction of two electron spins to form a lower 
diamagnetic singlet state and a higher paramag­
netic triplet state, the population in the former state 
increasing with decreasing temperature at the ex­
pense of that in the latter state. Figgis and Mar­
tin4 advanced a theory in which they presumed that 
cupric acetate monohydrate represented the first 
case in which a 5-bond was the sole direct link be­
tween two atoms. The dimer formation of cupric 
acetate persists in dioxane, in ethanol, and to some 
extent also in methanol solutions.14 It is reason­
able to suppose that the structure around copper 
atoms in cupric acetate monohydrate crystals is 
considerably stable and that the same configuration 
is realized also in similar compounds that show sub­
normal moments. The coplanar structure of an 
oxalate radical has been amply demonstrated by 
X-ray crystal analysis16 and electron diffraction16 by

(13) “ Selected Constants, N o. 7. On Diam agnetism  and P ara­
m agnetism ,”  International Union of Pure and A pplied C hem istry, 
Paris, 1957.

(14) M . Kondo and M . K u b o, T h i s  J o u r n a l , 62, 468 (1958).

gas molecules. It is presumed that the oxalate 
radical in cupric oxalate also assumes a planar con­
figuration. The only conceivable structure of cu­
pric oxalate satisfying these two conditions is a two- 
dimensional rectangular network shown in Fig. 2a. 
A  fairly compact structure will result, since the 
space inside each square ring will be effectively oc­
cupied by copper atoms protruding from neighbor­
ing networks located above and below the square 
ring in question.

In the case of other salts of the even series, analo­
gous structures are possible as shown schematically 
in Fig. 2b. The extended zig-zag carbon chain in 
crystals has been demonstrated by Morrison and 
Robertson17 for a number of normal aliphatic 
carboxylic acids. It should be mentioned in this 
connection that in the acids of the even series, the 
grouping of the acid molecules in crystals is char­
acterized by a fairly close lateral approach. How­
ever, with the increasing length of carbon chains in 
the cupric salts, the empty space becomes greater 
in accordance with the enlarged rings, because the 
zig-zag chains are not exactly parallel to one an­
other provided that the valency angle of carbon 
atoms assumes its normal value. If the normal 
carbon chains favor more or less parallel orienta­
tion, as already has been presumed by Herron and 
Pink18 for anhydrous cupric laurate and stearate, 
the empty space will be reduced. At the same time, 
the resulting stress will cause a strain in the regu­
lar structure around the copper atoms and the 
bonded Cu-Cu distance will increase. As a conse­
quence, the overlap of 3 dX2_ s, bonding orbitals 
belonging to two copper atoms decreases, leading 
to the decreased energy separation between the 
lowest singlet level and the upper triplet level of a 
pair of copper atoms and to the increase in the mag­
netic moment.

The copper salts of acids having odd n-values 
present a different situation. In the malonate. for 
instance, the turning of chains at the central carbon 
atoms renders the formation of structures similar to 
those shown in Fig. 2 impossible. The normal mag­
netic moment found for cupric malonate suggests 
that the atom pairs of copper are not formed in the 
crystals. The structures of cupric salts of the odd 
series are open to speculation, but it is likely that 
they are less simple: the unit cell may be doubled 
as compared with the salts of even n-values and pos­
sibly the lateral connections are weak as was found 
for glutaric acid crystals.19 With the increasing 
chain length, however, the flexibility of linear chains 
may permit the approach of two copper atoms, 
leading to the decrease in the magnetic moment as 
was actually found in the present experiments.

Thus, the relationship between the observed 
magnetic moments of these cupric salts and the 
number of carbon atoms in the acids can be ex­
plained in terms of the proposed structures for the

(15) .1. M . Robertson and I. W oodw ard, J . Chem. S oc., 1817 (1936)» 
J. D. D unitz and J. M . Robertson, ibid ., 142 (1947).

(16) S. Shibata and M . K iraura, B ull. Chem . <Soc. Japan, 27, 485 
(1954).

(17) J. D . M orrison and J. M . Robertson, J. Chem. Soc., 980 987, 
993 (1949).

(18) R . C . Herron and R . C . Pink, ibid ., 3948 (1955).
(19) J. D . M orrison and J. M . Robertson, ib id ., 1001 (1949).
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salts. It is not intended to insist upon the correct­
ness of the models in every minor detail. For in­
stance, the square ring of the oxalate may not be 
exactly rectangular and the meandering ring in the 
proposed crystal structure of succinate may be 
three-dimensional rather than coplanar as is de­
picted in Fig. 2. In fact, in cupric acetate monohy­
drate, the six nearest neighbors of a copper atom 
that are comprised of four oxygen atoms belonging 
to four different acetate groups, an adjacent copper 
atom and a water molecule are known6 to be lo­
cated not exactly on the rectangular coordinate

axes, the angles between the planes of adjacent ace­
tate groups being 83 and 97°. In this sense, even 
the simple octahedral configuration about each of 
the copper atoms is an approximation. Still, the 
general features that are embodied in the discussion 
are adequate to explain the experimental results of 
the present investigation.
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Kinetic data are reported on the decomposition of trichloroacetic acid in five aromatic amines, namely, aniline, o-tolnidine, 
o-ehloroaniline, quinoline and 8-methylquinoline. On the basis of the absolute reaction rate theory it is shown that a transi­
tion complex probably is formed between the electrophilic carbonyl carbon atom of the trichloroacetate ion and the unshared 
pair of electrons on the nucleophilic nitrogen atom of the amine. Inductive, electromeric and steric effects are all consistent 
with the proposed mechanism. A comparison of corresponding data for the decomposition of malonic acid in the same 
solvents reveals an astonishing parallelism between the two acids. For the same solvent the enthalpy of activation is lower 
in each case for the decomposition of trichloroacetic acid than for the decomposition of malonic acid due to the fact that 
the effective positive charge on the carbonyl carbon atom of the trichloroacetate ion is greater than that on the carbonyl 
carbon atom of malonic acid. The steric effect of the trichloromethyl group on the trichloroacetate ion is larger in each case 
than that of the acetic acid moiety of malonic acid.

Studies on the decomposition of trichloroacetic 
acid in aromatic amines have been in progress for 
over half a century. Silberstein1 reported in 1884 
that trichloroacetic acid is split into C 02 and CH- 
CL when warmed with dimethylaniline and similar 
bases. Goldschmidt and Brauer2 established the 
fact that the decomposition of trichloroacetic acid 
in aniline is a first-order reaction and reported meas­
urements on the velocity at 25 and 45°. Patward- 
han and Kappanna3 studied the decomposition of 
trichloroacetic acid in aniline solution, as well as in 
aniline-benzene and aniline-toluene mixtures. They 
found that the velocity constant is dependent upon 
the concentration of the aniline and is proportional 
to the square of the concentration of the aniline 
molecules. Verhoek4 measured the rate of decom­
position of anilinium trichloroacetate in aniline and 
found that it increased with time, a fact which he 
ascribed to changes in the degree of ionization. He 
found that the reaction velocity is dependent upon 
the concentration of the trichloroacetate ion. In 
spite of the large amount of work which already has 
been carried out on this reaction it appears that the 
role of the solvent and the mechanism of the reac­
tion have not as yet been explained adequately. It 
was thought that further insight into this problem 
might be gained by a comparison of the effects of 
different amines upon the reaction. Accordingly, 
experiments have been carried out in this Labora-

(1) H. S ilb c -te in , B er., 1 7 ,  2664 (1884).
(2) II. G oldschm idt and R . Brauer, ib id ., 39, 109 (1906).
(3) H. W . Patw ardhan and A . N . K app an n a, Z . physik. Chem., 

A166, 51 U933).
(4) F . H. Verhoek, J . A m . Chem. S oc ., 56, 571 (1934).

tory on the decomposition of trichloroacetic acid in 
five aromatic amines, namely, aniline, o-toluidine, 
o-chloroaniline, quinoline and 8-methylquinoline. 
The results of this investigation are reported herein.

Experimental
Reagents.— (1) The trichloroacetic acid used in these ex­

periments was reagent grade, better than 99.9% pure. (2) 
The solvents were reagent grade chemicals which were 
freshly distilled at atmospheric pressure directly into the 
reaction flask immediately before the beginning of each de­
carboxylation experiment.

Apparatus and Technique.— The apparatus and technique 
in this investigation, involving measuring the volume 
of CO2 evolved at constant pressure, were the same as those 
used in studying the decarboxylation of trichloroacetic acid 
in glycerol.5-6 The reaction flask was of 100-ml. capacity. 
Temperatures were controlled to within ±  0.05° and were 
determined by means of a thermometer calibrated by the
U. S. Bureau of Standards. In each experiment a 292-mg. 
sample of trichloroacetic acid (the amount required to pro­
duce 40 ml. of CO2 at STP on complete reaction) was intro­
duced in the usual manner into the reaction flask containing 
a weighed quantity of solvent saturated with dry C 02 gas. 
The system was filled with C 02 gas to prevent atmospheric 
oxidation of solvent.

Results
First-order kinetics were observed for the decar­

boxylation of trichloroacetic acid in each of the 
aromatic amines studied. In general, the experi­
ments were carried out using 67.0 g. of solvent; 
however, no appreciable difference in the specific 
reaction velocity constant at a fixed temperature 
could be detected when the quantity of solvent used 
was varied from 40 to 70 g. Table I gives the val-

(5) L . W . C lark, ib id .,  77 , 3130 (1955).
(6) L . W . C lark, T h i s  J o u r n a l ,  6 0 , 1150 (1956).
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ues of the apparent first-order rate constants for the 
reaction in the five amines at the various tempera­
tures studied, obtained from the slopes of the ex­
perimental logarithmic plots. Arrhenius plots of 
the data in Table I yielded excellent straight lines in 
each case. The parameters of the Eyring equation 
are shown in Table II.

T a b l e  I

A p p a r e n t  F i r s t - o r d e r  R a t e  C o n s t a n t s  f o r  t h e  D e c a r ­

b o x y l a t i o n  o f  T r i c h l o r o a c e t i c  A c i d  i n  V a r i o u s  A m i n e s

S o lv e n t

T e m p .
(°C.
c o r .)

N o .
o f

c x p t .
k x  in*
( s e c . _ l )

Aniline 66.38 4 2.91 ± 0 .02
71.50 5 5.10 ± .02
75.59 C 7.81 ± .01
79.65 3 12.16 ± .01

o-Toluidine 75.28 2 2.42 ± .02
79.65 3 3.75 ± .03
82.40 7 4.93 ± .02
88.02 4 8.45 ± .01

o-Cbloroaniline 85.33 2 1.82 ± .01
93.51 4 3.94 ± .01

105.32 3 11.91 ± .02
115.58 2 28.12 ± .03

Quinoline 43.00 2 5.14 ± .01
52.12 2 14.84 ± .02
53.00 3 17.27 ± .02
63.26 2 55.08 ± .02

S-Methylquinoline 52.75 3 9.42 ± .01
63.10 2 27.83 ± .02
73.24 2 75.86 ± .03

T a b l e  I I

K i n e t i c  D a t a  f o r  t h e  D e c a r b o x y l a t i o n  o f  T r i c h l o r o ­

a c e t i c  A c i d  i n  V a r i o u s  A m i n e s

S o lv e n t
A R 4 =

(c a l . )
A S  4= 
(e .u .)

A F m  A  
( c a l . )

&9no
X  10* 

( s e c . -1 )

(1) Aniline 24,500 -2 .5 7 25,440 33
(2) o-Toluidine 23,800 -6 .8 2 26,280 10
(3) o-Chloroaniline 24,370 -8 .2 5 27,190 3
(4) Quinoline 23,980 -2 .4 1 23,100 832
(5) 8-Methylquinoline 22,310 -8 .4 3 25,370 34

Discussion of Results
Studies on the decarboxylation of malonic acid in 

various amines7 8 have confirmed the hypothesis of 
Fraenkel and co-workers9 that an activated com­
plex results from the coordination of the electro­
philic carbonyl carbon atom of the undissociated 
diacid with the unshared pair of electrons on the nu­
cleophilic atom of the solvent molecule. A com­
parison of the kinetic data for the decomposition of 
malonic acid78 with that for the decomposition of 
trichloroacetic acid in the same five amines (Table
II) reveals an interesting parallelism between the 
two acids, suggesting the possibility that the de­
composition of trichloroacetic acid in these solvents 
occurs by essentially the same mechanism as does 
that of malonic acid. Such a comparison is shown 
in Table III.

In line (1) of Table III we see that, for the decom-
(7) L .  W. C la r k , T his J o u r n a l , 62, 79 (1958).
(8 )  L . W. C la r k , ib id ..  62, 5 0 0  (1 9 5 8 ) .
(9 )  G . F r a e n k e l, R .  L . B e l fo r d  a n d  P . E . Y a n k w ic h ,  J . A m . C h em  

S o c . ,  76, 15 (1 9 5 4 ).

position of both acids, AH* as well as AS* decreases 
on passing from aniline to o-toluidine. The de­
crease in AH* in the case of malonic acid has been 
attributed to the increase in the effective negative 
charge on the nitrogen due to the positive inductive 
effect of the methyl group.7 The decrease in A.S* 
for malonic acid has been ascribed to the steric effect 
of the methyl group in the ortho position,10 hindering 
the approach of the electrophilic carbonyl carbon 
atom to the unshared pair of electrons on the ni­
trogen.7

There is likewise a decrease in AH* and AS* in 
the case of both acids on going from aniline to o- 
chloroaniline (line 2 of Table III). The decrease in 
AII* for malonic acid in this case has been attrib­
uted to the positive electromeric effect of the halo­
gen,7 the lowering of AS* to the ortho effect.7-10

For both acids AH* decreases and AS* increases 
on going from aniline to quinoline (line 3 of Table
III). The decrease in AH* for malonic acid8 has 
been explained as being due to the fact that quino­
line is slightly more basic than aniline (Kb for ani­
line is 3.8 X 10-10, for quinoline 6.3 X 10-15) .11 
Since the nitrogen atom in quinoline is in a some­
what more open position than it is in aniline, less 
steric hindrance is encountered by the electrophilic 
agent in quinoline than in aniline resulting in a 
larger value of AS*.8

For both acids a very large decrease in both AH* 
and AS* takes place on going from quinoline to 8- 
methylquinoline (fine 4 of Table III). For malonic 
acid this has been explained on the basis of the posi­
tive inductive effect and the strong steric effect of 
the methyl group in the 8-position on the quino­
line nucleus.8

Steric effects are produced not only by substit­
uents on the aromatic nucleus but also by groups 
attached to the carboxyl group of the acid. It 
would be expected that the trichloromethyl group 
on the trichloroacetate ion would exert a larger 
steric effect than would the acetic acid moiety of 
malonic acid. That this is actually the case is re­
vealed by the data in the last two columns of Table
III. The absence of a hydrogen atom on the tri­
chloroacetate ion probably accounts for the fact 
that AS* is generally somewhat higher for the de­
composition of trichloroacetic acid than for that 
of malonic acid in these liquids.

The effective positive charge on the carbonyl car­
bon atom of the trichloroacetate ion is greater than 
that on the carbonyl carbon atom of the undissoci­
ated malonic acid, due to the strong —I effects of 
the three halogens and the resonance of the car- 
boxylate group in the former. In other words, in 
the same solvent, the attraction between trichloro­
acetate ions and solvent molecules should be 
greater than that between malonic acid and solvent 
molecules. From the principle that an increase in 
the attraction between two reagents lowers the en­
thalpy of activation12 it would be expected that, for 
the same solvent, AH* should be lower for the de-

(1 0 )  L .  P .  H a m m e t t ,  “ P h y s ic a l  O rg a n ic  C h e m is t r y ,”  M c G r a w -H i l l  
B o o k  C o . ,  I n c . ,  N e w  Y o r k ,  N . Y . ,  1 9 4 0 , p .  2 04 .

(1 1 )  L a n g e ’ s  “ H a n d b o o k  o f  C h e m is t r y ,”  H a n d b o o k  P u b lis h e r s ,  
S a n d u s k y , O h io ,  9 th  e d it io n ,  195 6 , p .  120 2 .

(1 2 )  K . J . L a id le r , “ C h e m ic a l  K in e t i c s ,”  M c G r a w -H i l l  B o o k  C o . ,  
I n c . ,  N e w  Y o r k ,  N . Y . ,  1950 , p .  138.
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T a b l e  III
A  C o m p a r i s o n  o f  K i n e t i c  D a t a  f o b  t h e  D e c a r b o x y l a t i o n  o f  M a l o n i c  A c i d  a n d  T r i c h l o r o a c e t i c  A c i d  i n  V a r i o u s

A m i n e s . C h a n g e  o f  A iS T  a n d  A / / +  w i t h  C h a n g e  i n  S o l v e n t

'— ;-------A(A/7 40 ( c a l . ) ------------- ;--------A(AS 4r) ( e .u . ) ------------ »

------------------------------C h a n g e  o f  s o lv e n t ------------------------------ ■
T r ic h lo r o ­

a c e t ic M a lo n ic
T r ic h lo r o ­

a c e t ic M a lo n ic
I* rom T o a c id a c id a c id a c id

(1) Aniline o-Toluidine -7 0 0 -1200 -4 .2 5 -2 .5 9
(2) Aniline o-Ciloroaniline -1 3 0 -3 2 0 -4 .7 8 -2 .4 7
(3) Aniline Quinoline -5 2 0 -1 6 0 + 4 .9 8 + 2 .09
(4) Quinoline 8-Methylquinoline -1670 -2300 -1 0 .8 4 -8 .1 0

composition of the trichloroacetate ion than for that 
of malonic acid. A comparison of the data (ref­
erences 7, 8 and Table II) reveals that this is ac­
tually true in each case. For the decomposition of 
trichloroacetic acid in aniline A//+ is 2400 cal. 
lower than for that of malonic acid; in o-toluidine

1900 cal. lower; in o-chloroaniline 2200 cal. lower; 
in quinoline 2760 cal. lower; in 8-methylquinoline 
2100 cal. lower.
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By G. C. Hood, A. C. Jones and C. A. R eilly 
Shell Development Company, Emeryville, California

R eceiv ed  A u g u s t  11 , 19BS

The proton magnetic resonance shifts and intensities of Raman lines in solutions of iodic acid have been measured and used 
to calculate degrees of dissociation. The thermodynamic dissociation constant is found to be 0.18 at 30° in good agreement 
with the results of classical measurements.

The most satisfactory methods for the de­
termination of the degree of dissociation of strong 
electrolytes are based on measurements of nuclear 
magnetic resonance (n.m.r.) shifts or measurements 
of Raman intensities.1-4 These methods are free 
of the problem of ionic interaction which is inherent 
in classical methods. Comparison of the results 
obtained by the n.m.r. and by the Raman technique 
showed excellent agreement.2-6

The dissociation of iodic acid has now been in­
vestigated by both the n.m.r. and the Raman 
methods. Iodic acid is of special interest since its 
thermodynamic dissociation constant of about 0.18 
is approximately the upper limit of the region 
where classical methods can also be expected to 
yield meaningful dissociation constants of uni­
valent electrolytes.1 Thus a comparison of all 
methods is possible.

Experimental
The samples were prepared from reagent grade iodic acid 

which was not further purified.
Nuclear magnetic resonance shifts were measured at 40 

megacycles per second with a Varian Model V-4300 spectrom­
eter equipped with a sample spinner and a field stabilizer. 
The magnetic field was swept through resonance by injecting 
a small voltage into the sensing circuit of the field stabilizer.

The shift of the protons in each sample relative to that of 
water at 30° was determined as described previously.6 One 
important modification, however, was the use of two ref­

(1 ) O . R e d l i c h ,  C h em . R ev s .,  3 9 , 3 3 3  (1 9 4 6 ) .
(2 )  H . S . G u t o w s k y  a n d  A .  S a ik a , . / .  C h em . P h y s . ,  2 1 ,  1 6 8 8  (1 9 5 3 ) ;

G . C . H o o d ,  O . R e d lic h  a n d  C .  A .  R e i l ly ,  ib id .,  2 2 ,  2 0 6 7  (1 9 5 4 ) ;  2 3 ,
2 2 2 9  (1 9 5 5 ).

(3 ) O . R e d lic h  a n d  G . C .  H o o d ,  D is c .  F a ra d a y  S o c .,  2 4 , 87  (1 9 5 7 ) .
(4 ) A .  K r a w e t z ,  D o c t o r a l  T h e s is ,  U n iv e r s it y  o f  C h ic a g o ,  195 5 .
(5 ) G . C .  H o o d  a n d  C . A .  R e i l ly ,  J . C h em . P h y s . ,  2 7 , 1 12 6  (1 9 5 7 ) .
(0 ) O . R e d l i c h ,  M o n a tsh ,  8 6 ,  3 2 9  (1 9 5 5 ) .

erence compounds. The shifts in the more concentrated 
solutions (down to 1.850 molar) were measured directly 
with respect to that of water. The shifts in the more dilute 
solutions were so small that they were difficult to measure 
directly. For these solutions the shifts were measured rel­
ative to that of the ring protons in toluene. The shift of 
these protons from that of water at 30° was determined in 
separate experiments to be 65.5 ±  0.1 c.p.s. (to lower applied 
field). The iodic acid shifts relative to water then were cal­
culated. This procedure allowed the determination of shifts 
with a precision of 5 X 10-9 of the resonance frequency. 
The magnetic susceptibility per gram x  of each solution was 
determined by means of a Gouy balance. The density d of 
each solution also was measured and the bulk magnetic sus­
ceptibility then calculated from the relation

k =  xd (1)
The Raman spectra of the solutions were obtained with a 

standard Cary Model 81 recording spectrometer.
Degrees of Dissociation.— The assumptions involved in 

obtaining degrees of dissociation from magnetic resonance 
measurements have been described previously.2 3 4 5 The de­
grees of dissociation were calculated from the shifts accord­
ing to

s =  Av/40 +  g (2)
g =  +2.60(k +  0.700) X  10' (3)

s/p — asi +  (1 — a)ss (4)

where Av is the measured resonance shifts in c.p.s., g is the 
bulk magnetic shielding correction, k and —0.700 X  106 
are the bulk magnetic susceptibilities of the sample and 
of water, respectively, s is the total chemical shift, Si is the 
shift of H30 +, s 2 is the shift of undissociated HIOs, a  is the 
degree of dissociation and p is the stoichiometric mole frac­
tion of hydrogen in H30  + on a total hydrogen basis.

The variation of s with p (shown in Fig. 1 for lower con­
centrations) is similar to that of nitric acid.2 The straight 
line portion of the curve (c >  1.85, p >  0.052) is attributed 
to the equilibria between undissociated monomer and as­
sociated species. The curved portion of the curve (c <  
1.85, p <  0.052) is attributed to dissociation. The situation 
can be seen more readily in Fig. 2 where s/p is shown as a
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T able  I
D issociation of Iodic A cid

r,
moles/l. V

Susceptibility Resonance 
corrn., shift, 

g- s

Degree of 
dissocia­
tion, a 
(n.m.r.)

log
a/c

log
K p

Raman
intensity

ratio,
R

Degree of 
dissocia­
tion, a 

(Raman)
0.034 0.00094 - 0 .0 0 3 0.012 0 .88 - 1 .7 1 0 — 0.788 2.30 (0 .8 8 )

.076 .00198 -  .006 .024 .80 - 1 .5 4 0 — .841 2 .18 .86

.104 .00258 -  .008 .030 .73 - 1 .4 6 0 -  .892 2.00 .81

.160 .00427 -  .01 .048 .68 - 1 .4 0 0 -  .905

.362 .0100 -  .03 .090 .39 - 1 .3 5 3 - 1 .1 3 8 1.50 .56

.662 .0183 -  .05 .14 .22 - 1 .3 0 7 -1 .2 7 9 1.33 .34
1.020 .0287 -  .09 .20 .12 - 1  .470 -1 .4 1 5 1.23 .14
1.318 .0380 -  .12 .25 .08 1.22 .10
1.850 .0520 -  .20 .31 0 1.19 0
3.292 .0980 -  .27 .57
5.800 .200 -  .40 1.14
7.53 .311 -  .59 1.67
7.53 .324 -  .60 1.70
0.360 Sodium iodate soin. 3.69

Fig. 1.— Observed chemical shift o f iodic acid.

Fig. 3.—Raman spectra of iodic acid and sodium iodate.

function of p. This interpretation is substantiated by Ra­
man spectral data which are discussed later.

The value 13.70 was obtained for Si by utilizing the ex­
pression

Si =  lim s/p
V — >  0 (5)

This value for the shift of H30  + is to be compared with the 
values 13.1, 11.8 and 9.2 determined previously25 for H23 0 4, 
H N 03 and HC104 solutions, respectively. The value 5.00 
for si was taken directly from s at c =  1.85 where the solu­
tion appears to consist predominantly of undissociated mon­
omeric H I0 3 (Table I). A small error in this value is not too 
serious since the degree of dissociation calculated is not par­
ticularly sensitive to s2.

The experimental data and the degrees of dissociation cal­
culated from equation 4 are given in Table I.

The Raman spectra of concentrated aqueous solutions of 
iodic acid have bands with Raman shifts of 330, 630 and 
780, with a shoulder indicating the presence of a band near 
825 cm .-1 (Fig. 3). As the concentration of iodic acid is 
reduced, the 780 cm .-1 band shifts to 800 cm .-1 and as the 
concentration is further reduced the intensity at 800 cm .-1 
increases relative to the shoulder at 825 cm .-1. The inten­
sity of the 630 cm .-1 band also decreases more rapidly than 
linearly with concentration below 1 molar. In the most 
dilute solutions examined, the spectrum is predominantly a 
single band at 800 cm .-1. This band is also observed in 
solutions of N aI03 and may be ascribed to both undissoci­
ated acid and iodate ion. The rather weak band at 330 cm .-1 
persists in spectra of all acid concentrations as well as in 
sodium iodate solutions. Typical spectra are given in Fig.
3.

The interpretation of the spectral changes with dilution 
is that the shift of the band at 780 cm .-1 corresponds to the 
equilibrium shift of associated iodic acid to undissociated 
monomer. The subsequent increase in intensity of the 800 
cm .-1 band relative to that at 825 cm .-1 corresponds to the 
dissociation of iodic acid to iodate ion. These observations 
differ from the older data of Rao7 in that at no point in the 
concentration interval from 7.5 to 0.03 molar is the intensity 
of the 825 cm .-1 band greater than the intensity of the 800 
cm .-1 band as Rao reported for 6 to 3 molar solutions.

Calculation of degrees of dissociation from Raman spectra 
requires quantitative intensity measurements which, un­
fortunately, are affected by a variety of instrumental factors 
and sample properties.8 9-8 In the present case, the principal 
sources of error in the relative intensity measurements are 
the effects of variations in the optical absorption and refrac­
tive index of the various solutions. One method of dealing 
with this situation is to consider that the spectrum of each 
solution is recorded on a different unknown intensity scale; 
therefore, although it is not possible to compare the observed 
intensities from different spectra, the ratios of intensities at 
given spectral positions may be compared.

(7) N. R. Rao, Indian J. Phys., 16, 71 (1942).
(8) H. J. Bernstein and G. Allen, J. Opt. Soc. Am., 45, 237 (1955).
(9) A. C. Jones, Doctoral Thesis, TJniversity of Chicago, 1955.
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The degrees of dissociation of iodic acid can be computed 
from the ratio R  of Raman intensities at two spectral posi­
tions (800 and 825 cm .-1) at which the relative contributions 
from HIO3 and from I0 3-  differ appreciably. If one assumes 
that, after the spectrum has been corrected for the presence 
of water and material which may contribute a flat back­
ground component, the remaining observed intensity is due 
only to the contributions from the species H I0 3 and IO3- , 
then the intensity ratio for a given solution is

_  taCaJ asoo +  yiciJim ^
taca/ asîj +  yiciJisa

The symbols ca and ci refer to the concentrations of the un­
dissociated acid H I03 and IO3- , respectively. The specific 
Raman scattering coefficient J  represents the intensity of 
the Raman emission from a solution of unit concentration of 
the molecular species and at the spectral position designated 
by the subscripts. The term 7 represents the factor to re­
duce the different intensity scales of the spectra from which 
the respective J ’s were derived to a common intensity scale, 
namely, that of the spectrum of the solution under consider­
ation. Since Ca/Ci =  (1 — a)/a, expression (7) is derived 
easily

1 — a _  71 j  Ison Ra /  Rl — R \ 
a jaJAsm Rl \R ~  Ra )

The values of Ri and Ra were obtained from Raman spectra 
of solutions of NalCh and of the undissociated monomer acid, 
respectively. It has been assumed here, as in the n.m.r. 
analysis, that H I0 3 exists as essentially undissociated mono­
mer in tlie 1.85 moiar solution. The ratio of 7 ’s in equation 
7 can only be obtained by the assumption of the value of a 
obtained from the n.m.r. method for one solution. The 
0.034 molar solution with an a of 0.88 was used. Having 
thus obtained the necessary parameters, the degrees of dis­
sociation for the remaining solutions were calculated from 
the Raman data.

As shown in Table I and Fig. 4, the Raman data are not 
inconsistent with the n.m.r. data but the difficulties inherent 
in the Raman method in this case preclude a more quantita­
tive comparison.

Dissociation Constant.— The thermodynamic dissociation 
constant K  was determined from the n.m.r. data by extrap­
olation of log Kji to zero concentration (Fig. 5)

K0 =  a /c( I — a) (8)
The symbol 0 represents the activity coefficient of undis­
sociated iodic acid, a is the activity of iodic and c is the stoi­
chiometric concentration in moles/1. The activities of the 
solutions were computed from activity coefficients deter-

Fig. 5.— Dissociation constant of iodic acid

T able  II
D issociation C onstant op I odic A cid

Method
Tem p.,

CC. K Ref.
Freezing point 0 0.202 11
Conductivity 18 .19 11
Conductivity, 25 .18 12

freezing point 
Conductivity 25 .17 13
Conductivity 25 .1080 14
Solubility 25 .103 15
Indicator 25 .107 10
N.m.r. 30 .18 This inves­

tigation

mined from freezing points.0
The value of 0.18 determined for K  may be compared with 

the values obtained by classical methods (Table II).

Conclusions
The dissociation constant 0.18 determined from

n.m.r. data, and supported by Raman data, is in 
good agreement with previous classical determina­
tions. As suggested earlier,1 a dissociation con­
stant of this magnitude is probably close to the 
limit of reliability for classical methods with uni­
univalent electrolytes. Previous data have shown 
that dissociation constants near unity (trifluoro- 
acetic and heptafluorobutyric acids) are not ob­
tainable by classical methods.2'17.1«

(10) E . A bel, O. Redlich and P . Hersch, Z. physik. Chem., A 1 7 0 , 112 
(1934).

(11) E . A bel, O. Redlich and F . Hersch, ib id ., A 1 7 0 , 112  (1934).
(12) V . R othm und and K . D rucker, ib id ., 4 6 , 827 (1903).
(13) L .  Onsager, P h ysik  Z .,  2 8 , 277 (1927).
(14) R . M . Fuoss and C . A . K raus, J . A m . Chem. S oe., 55, 470 

(1933).
(15) S. N aidich and J. E . R icci, ib id ., 6 1 , 32G8 (1939).
(16) R . von H alban and J. B r.ll, H elv. Chim. A cta , 2 7 , 1719  (1944); 

C. A . ,  6 0 , 791 (1946).
(17) G . C . H ood and C . A . R eilly , J . Chem. P h ys., 2 8 , 329 (1958).
(18) T . F . Y o u n g and A. C. Tones, Ann. Rev. P h ys. Chem.. 3, 278 

(1952).
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T H E  T H E R M A L  D E C O M P O S I T I O N  O F  D I M E T H Y L  P E R O X I D E :  

T H E  O X Y G E N - O X Y G E N  B O N D  S T R E N G T H  

O F  D I A L K Y L  P E R O X I D E S

By P h ilip  L. H an st  and Jac k  G. C alve rt

Contribution from the McPherson Chemical Laboratory, The Ohio Slate University, Columbus 10, Ohio
R eceiv ed  A u g u s t  1 1 , 19-58

Dimethyl peroxide was decomposed in a static system at various temperatures and the products measured by infrared 
absorption spectroscopy. The decomposition is first order and approximately follows the stoichiometry 2CH3OOCH: — 
3CH3OH +  CO. The fact that the decomposition proceeds via methoxy radicals was proved by the addition of nitric oxide 
which led to the formation of methyl nitrite as the only major product. The presence of oxygen did not alter the decom­
position seriously, although it did lead to the production of some formic acid and formaldehyde. An Arrhenius plot of the 
data gave an activation energy (CH30 -0 C H 3 bond strength) of 35.3 ±  2.5 kcal./mole which is in good agreement with the 
values obtained by other investigators for dimethyl peroxide and some of its homologs. Three sets of published data on the 
thermal decomposition of diethyl peroxide were combined in a composite Arrhenius plot to give an activation energv of 
34.1 kcal./mole. This value is in fair agreement with the activation energies of decomposition of homologous diaikyl 
peroxides, whereas the values obtained separately in the three investigations are anomalously low.

Introduction
Investigations of the chemical kinetics of the de­

composition of a number of alkyl peroxides are re­
ported in the chemical literature. The activation 
energy is an important one of the factors which 
have been determined; the mechanisms indicate 
that it is the minimum energy necessary to cause the 
reaction ROOR —► 2RO, and this energy is a quan­
tity one needs in the calculation of the thermody­
namic properties of alkoxy free radicals as well as 
in the calculation of the strengths of certain other 
bonds. For example, this activation energy enters 
importantly into the calculations reported recently 
by Gray.1

Summarized in Table I are some of the above- 
mentioned results. The most notable aspect of 
these data is that the activation energies do not 
appear to be entirely consistent with each other. 
That is, the values for diethyl peroxide all seem to 
be low compared to the others. It does not seem 
likely to us that a change in the hydrocarbon chain 
length should have such a large effect on this en­
ergy. If the effect were real, however, we feel that 
it should show a more consistent trend. It seemed 
to us that there could be two possible explanations 
for the apparent anomaly; either the diethyl val­
ues are all too low, or the value of 36.9 for dimethyl 
peroxide is too high.

T a b l e  I
S u m m a r y  o f  P r e v i o u s  R e s u l t s  o n  D e c o m p o s i t i o n  o f  

D i a l k y l  P e r o x i d e s

Compel, dec.

Pre-exponential 
factor, A  
(se c ._1)

A ctivation  
energy 

(k cal./in ole) R ef.

Dimethyl peroxide 4.1 X  1016 36.9 2
Diethyl peroxide 5.1 X  1014 31.5 3
Diethyl peroxide 2.1 X  1013 31.7 4
Diethyl peroxide 1.1 X  1013 29.9 5
Di-n-propyl peroxide 2 .5  X  10Iä 36.5 6
Di-(-butyl peroxide 4 X  IO14 36 7
Di-i-butyl peroxide 3 .2  X  IO16 39.1 8

(1) P . G ray, T ra n s  F a ra d a y  S o c . ,  5 2 , 344 (1956).
(2) Y . T a keza ki and C . T akeuchi, J .  C h em . P h y s . ,  22, 1527 (1954).
(3) E . J. Harris and A. C . Egerton, P r o c .  R o y . S o c .  {L o n d o n ),  A 168, 

1 (1938).
(4) R . E . R ebbert and K . J. Laidler, J . C h em . P h y s . ,  2 0 , 574 (.1952). 

| (5) K . M oriya, R ev. P h y s .  C h em . (J a p o n ) ,  H oriba V o l., 143 (1946).
(6) E . J. H arris, P r o c .  R o y .  S o c . (L o n d o n ),  A 1 7 3 , 126 (1939).

In view of these considerations we undertook to 
measure the decomposition rate of dimethyl per­
oxide at various temperatures and thus get another 
check on the activation energy. In our opinion, 
the anomaly in the above table is satisfactorily cor­
rected by the results of these experiments plus some 
reconsideration of the data pertaining to diethyl 
peroxide.

Experimental Technique
Thermal Decomposition of Dimethyl Peroxide.— The de­

compositions were conducted in a 5-liter Pyrex flask con­
tained in an electrically heated oven. The products of 
thermal decomposition were analyzed periodically by means 
of infrared absorption spectroscopy using 10 cm. and 1 
meter gas absorption cells on Perkin-Elmer Model 21 double 
beam spectrophotometer. Air was added to the cells before 
analysis so that the total pressure was one atmosphere. 
Concentrations were determined by comparison to reference 
spectra run on pure compounds under conditions of resolu­
tion, pressure broadening and per cent, absorption as near as 
possible to those existing during the analysis.

A typical experiment was performed as follows. After 
the oven had come to thermal equilibrium at a temperature 
indicated by a precision thermometer, dimethyl peroxide 
was admitted simultaneously to the reaction flask and to the 
previously evacuated infrared cell. The timing of the run 
■was then started; the initial pressure was read on a mercury 
manometer at room temperature, and the spectrum of the 
reactant was recorded. After that, the infrared cell was 
evacuated, and when the desired time had elapsed, the hot 
gases were allowed to expand out of the reaction vessel and 
into the infrared cell where the concentration of unreacted 
dimethyl peroxide and/or reaction products was measured. 
This sampling and analysis process was repeated to get the 
successive points on the curves. It was necessary to correct 
for the small pressure drop which occurred on expansion by 
multiplying each measured pressure by the ratio of the pres­
sure at the start of the experiment to the pressure after 
sampling. The pressure drop was measured for each of the 
infrared cells in separate calibration runs using tetramethyl- 
ethylene, which did not decompose at the temperatures used, 
and was found to be about 6%  for the 10 cm. cell and about 
23%  for the 1 meter cell. In order to apply the correction 
successively, it was necessary to assume the first-order rate 
law. The 1 meter cell was used only in a few experiments 
where a single measurement was made. The temperature 
usually fluctuated over a range of about ± 0 .2 °  during a 
run, and an average was estimated from periodic readings.

Preparation of Dimethyl Peroxide.— The dimethyl per­
oxide was prepared as follows. Ten cc. (about 0.1 mole) of 
dimethyl sulfate and 15 cc. (about 0.14 mole) of 30% aqueous

(7) J. M uraw ski, J. S. R oberts and M . Szw are, J .  Chem. P h ye.. 1 9 , 
698 (1951).
N  (8) J. H. R aley, F . F . R u st and W . E. Vaughan, J . A m . Chem. S oc., 
7 0 , 88 (1948).
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hydrogen peroxide were placed in a 250-cc. 3-necked flask 
fitted with a stirrer, a 125-ec. dropping funnel and an outlet 
tube. From the dropping funnel 20 cc. (about 0.15 mole) of 
40% aqueous potassium hydroxide was added slowly with 
stirring and cooling in ice. The dropping funnel was then 
replaced with a tube leading to a nitrogen tank, a very weak 
flow of nitrogen was started, and the outlet tube was attached 
to a cold trap immersed in liquid nitrogen. Heat then was 
applied gently to the flask, until at about 60° the contents 
began to bubble smoothly, and the reaction then maintained 
itself. At times, some moderating with the ice-bath was 
necessary. The dimethyl peroxide vapors were carried in 
the nitrogen stream into the cold trap. When bubbling in 
the reaction flask had ceased, the trap containing the product 
was removed to the vacuum line where the volatile dimethyl 
peroxide was distilled into a storage bulb. This distillation 
served to separate the peroxide from any II20 , H2O2, etc., 
which may have been carried over during the preparation. 
The infrared spectrum of the final product showed no de­
tectable amounts of possible contaminants. The peroxide 
was stored as a vapor in a clear bulb at room temperature 
and showed no appreciable decomposition over periods as 
long as one week.

Discussion
From the data of Fig. 1 it is seen that dimethyl 

peroxide decomposition is first order in the temper­
ature range used. Takezaki and Takeuchi also 
found this to be the case.2 The only major prod­
ucts were methanol and carbon monoxide. Table 
II shows that although the measurements were 
somewhat erratic, the products appeared to be in 
the mole ratio of approximately 3 to 1 in agree­
ment with the over-all reaction

2CH3OOCH3 — 3CH3OH +  CO
The lack of reproducibility of the measured mole 
ratios is believed to be due no the fact that the CO 
band is a very weak one and the spectrometer 
background noise was somewhat high. Although 
it was difficult to measure the amount of decom­
posed dimethyl peroxide accurately because of in­
terference from the methanol, it appeared that 
the amount used up could be approximately ac­
counted for in the observed products.

The products are assumed to form in the reac­
tions

CH3OOCH3 — 2CHsO (1)
CH3O +  CUT) — >  CH3OH +  H2CO (2)
CH3O +  H2CO — >  CH3OH +  HCO (3)
CH30  +  HCO — CH3OH +  CO (4)

The possibility of chain decomposition of the di­
methyl peroxide through the repeated occurrence 
of the cycle (5) and (6)

CH30  +  CII.OOCH — > CH3OH +  CH2OOCH3 (5) 
CH2OOCH3 — >  H2CO +  CH30  ( 6)

can be eliminated. This follows from the facts that 
formaldehyde does not build up as a final product 
of the reaction and the stoichiometry follows 
closely the relation

2CH3OOCH3 — >  CO +  3CH3OH 
It appears that methoxy radicals react with the 
product formaldehyde in the reaction 3 to the prac­
tical exclusion of (5). In other words, the possible 
chain decomposition of dimethyl peroxide is self- 
inhibited by the formaldehyde product.

To test the mechanism 1 to 4, dimethyl peroxide 
was decomposed in the presence of nitric oxide with 
the results that methanol and CO formation was 
suppressed, and the only major product was

Time, min.
Fig. 1.— Plots of integrated first-order rate law for the ther­

mal decomposition of dimethyl peroxide.

2.4 2.5 2.6
1 /T  X  103.

Fig. 2 —-Arrhenius plot for rate constants of the thermal 
decomposition of dimethyl peroxide.

methyl nitrite. When it was assumed that the 
measured amount of methyl nitrite formed was 
twice the dimethyl peroxide decomposed, a rate 
constant was obtained which was in good agree­
ment with the rate constants calculated directly 
from dimethyl peroxide disappearance and from 
methanol formation. The open circle on the ac­
tivation energy curve in Fig. 2 was obtained from 
this experiment with nitric oxide.

The decomposition also was conducted in the 
presence of oxygen, although no rate constant 
could be measured in this case. In the presence of 
the oxygen, the methanol and carbon monoxide 
still formed to a large extent, but in addition 
there appeared a small amount of formic acid and 
apparently a fairly good yield of formaldehyde as 
indicated by its infrared spectrum and by the for­
mation of a white solid deposit on expansion of the 
hot gases into the infrared cell. Because of this 
deposit, no quantitative measurements of products 
were attempted. It appears likely that the large
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T able II
Products op T hermal D ecomposition of D imethyl Peroxide

Tem p. (°C .)

Starting 
C H jO O C H , 

(mm. Hg)

Elapsed
time

(min.)

Pressure 
of C H jOH 

(mm.)

Pressure 
of CO  
(mm.)

119.7 7.25 130 1.85 0.54
127.2 30.0 61 12.6 5.0
135.2 14.3 22 4.6 1.8
147 Ì 3.16 15 1.99 0.6
147J same run 3.16 45 3.14 1.3
162 11.5 20 11.4 3 .9
167 (Takezaki and Takeuchi2) 23 20 to 40 10

1.9 2.1 2.3 2.5
1 /T X 103.

Fig. 3.— Composite Arrhenius plot for rate constants of the 
thermal decomposition of diethyl peroxide.

amount of formaldehyde in the experiments with 
added oxygen has its origin in reaction 7

CH30  +  0 2 — >- H 02 +  H2CO (7)
Figure 1 shows the integrated first-order rate 

law plots for the decomposition at the various tem­
peratures. The measurements at 139.9° (square 
points) were made on the disappearance of dimethyl 
peroxide using its infrared band at 8.7 n; all others 
were made on the rate of formation of methanol us­
ing the OH band at 2.7 n and assuming the stoichi­
ometry 2CH3OOCH3 -► 3 CH3OH +  CO. A sam­
ple calculation showed that a deviation of as much

PCH3OH 
P  CO
3.4
2.5
2.6
3.3
2 .4  
2.9

2 to 4

as 10% from this stoichiometry would not affect the 
calculated rate constants significantly.

The logarithms of the rate constants obtained 
from these curves (slope =  k) are plotted against 
1/T in Fig. 2. The slope of this curve, calculated 
by the least squares method, leads to an activation 
energy of 35.3 ±  2.5 kcal./mole, where the un­
certainty is twice the statistical standard deviation 
and represents 95% confidence limits. This value 
is in satisfactory agreement with the 36.9 ±  1.1 
kcal./mole obtained by Takezaki and Takeuchi.2 
The pre-exponential factor calculated from the 
intercept by least squares is 1.6 X  1015 sec.-1. 
The open circle obtained in the experiment with 
added nitric oxide was not used in these calcula­
tions.

This agreement with the results of Takezaki 
and Takeuchi emphasized the anomaly of the low 
values for diethyl peroxide shown in Table I. In 
view of this, we have checked the results of the 
three different investigations on diethyl peroxide 
against each other by making the combined Ar­
rhenius plot shown in Fig. 3. This treatment has 
the advantage of a wider temperature range than 
a plot from one of the sets of data alone. The 
results of the different studies appear to be con­
sistent. The least squares method of calculation 
applied to this curve gives an activation energy of
34.1 kcal./mole and a frequency factor of 1.6 X  
1014sec.-1.

In summary, we suggest the following values as 
the most reliable estimates of the pre-exponential 
factors (sec.-1) and activation energies (kcal./mole), 
respectively, for the four peroxides discussed: 
dimethyl peroxide, 2.4 X  10ls, 36.1 (average of our 
values and those of Takezaki and Takeuchi2); 
diethyl peroxide, 1.6 X  1014, 34.1 (values taken 
from the combined Arrhenius plot, Fig. 33'4'5); 
di-n-propyl peroxide, 2.5 X 1015, 36.5 (Harris6); 
di-f-butyl peroxide, 4 X  1015, 37.5 (average of 
values from Murawski, et al. , ’1 and Raley, et al.s
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Jan., 1959 C hange  P oten tial  on Silver  E lectrode in  A lk alin e  Solution

When a silver wire is oxidized by continuously increasing its potential in alkaline solutions, four reactions take place. 
It is suggested that the first is due to the formation of AgOH. The others are due to the formation of Ag20 , of AgO and 
of oxygen. The first and second reactions are indistinguishable in solutions having a high pH. The results show that the 
formation of Ag20  is not due to the action of oxygen on silver, and the formation of AgO does not involve the II0 2 ~ ion.

Introduction
When silver is electrolytically oxidized in alkaline 

solutions, Ag20  is formed, then, at a higher voltage 
level AgO is produced. As the voltage rises still 
higher oxygen is evolved. There is doubt whether 
Ag20 3 is formed in such a treatment. Most of the 
work that has been carried out in an attempt to un­
derstand the mechanism of these processes has been 
done by the use of a constant current technique.1-4 
The work reported here was carried out in an ef­
fort to shed more light on these reactions. This was 
done by applying a continuously increasing poten­
tial to the silver electrode. So far as could be de­
termined, no such work on these reactions has been 
reported in the literature. Such results cannot be 
subjected to strict quantitative interpretations be­
cause of a variety of variables present, e.g., convec­
tion and changing electrode surface area. How­
ever, significant qualitative conclusions can be 
drawn from such data.

Experimental
The circuit employed in this work was similar to that in 

polarography. A Sargent Model III polarograph was used 
as the voltage control. It was equipped with a 0.5 r.p.m. 
motor to increase the voltage continuously and uniformly. 
The current, instead of passing through the galvanometer, 
was fed into a precision resistor and the voltage drop across 
this resistor was measured by a Brown recording potentiom­
eter. Only relative current values were necessary in this 
work. An H type cell contained the electrodes. In one 
branch there was a saturated calomel electrode with a plug 
of agar and K N 03 solution in the cross piece. The other 
electrode was a silver wire about 2 cm. long fitted in a poly­
styrene holder. This electrode was the anode in all the runs. 
Measurements rvere made at room temperature and 2°. In 
addition to temperature, the other variables studied were: 
agitation, potassium hydroxide concentration and dissolved 
oxygen. Since rather high concentrations of potassium hy­
droxide were used, corrections were made for junction po­
tentials.6

Results
On Fig. 1 are shown results that are typical of all 

those that were obtained. One of the first things 
noted was the presence of another oxidative stage 
in addition to that of the formation of Ag20, AgO 
and oxygen. This is indicated by peak a on Fig. 1. 
The formation of AgJ) takes place at peak b, of AgO 
at c, of oxygen at d. The presence of Ag20  and 
AgO at the peaks indicated was confirmed by e.m.f.

(1) R. L u th er and F . P okorn y, Z. anorg. allgem. Chem., 57, 290 
(1908).

(2) I. A . Denison, Trans. Electrochem . S oc., 90, 387 (1946).
(3) A . H ickling and D . T a ylo r, D isc. Faraday S oc.,t N o. 1 , 277 

(1947).
(4) P. Jones, H. T hirsk and W . F . K . W ynne-Jones, Trans. Faraday 

Soc., 52, 1003 (1956).
(5) T . P . D irkse, Z . physik , Chem ., N .F .,  5, 1 (1955).

measurements. The evolution of oxygen was ob­
served visually.

For each reaction, the rise in current indicates an 
increase in the rate of the reaction and a decrease in 
the current represents a decrease in the rate of the 
electrode reaction. For reactions a and b the de­
crease in rate of reaction is rather gradual and this 
may correspond to the gradual shutting off of the 
reaction due to the formation of a film of the reac­
tion product. With reaction c the decrease in rate 
of reaction was very sudden. This was accompa­
nied also by the formation of a visible film of gas 
(oxygen) on the surface of the electrode. As soon 
as this film was broken and bubbles of gas were 
evolved from the electrode surface, the current rose 
again, peak d. In some of the runs a vigorous 
stream of air was passed through the solution during 
passage of current. However, in general, the na­
ture of the curves was unaffected by such agitation.

The effect of dissolved oxygen was observed by 
carrying out a run after purified nitrogen had been 
passed through the electrolyte for some time. 
Then a similar run was made after air had been 
bubbled through the electrolyte. It appeared that 
none of these phenomena was affected by the pres­
ence or absence of dissolved oxygen, see Table I. 
There is a little variation in the potential at which 
oxygen is evolved but these potentials are at best 
hardly reproducible in a given system. Thus it ap­
pears that none of the reactions noted involves dis­
solved oxygen. This indicates, e.g., that in the 
formation of Ag20  it is not the action of dissolved 
or liberated oxygen on the silver that is responsible.

T a b l e  I
E f f e c t  o f  D i s s o l v e d  O x y g e n  o n  P o t e n t i a l s  f o k  O x i d a ­

t i o n  o f  S i l v e r  i n  K O H  S o l u t i o n s  a t  R o o m  T e m p e r a t u r e

,----------- M inim um  potential for----------- •.

O T K O II

Soin. satd. 
with

F orm a­
tion of 
A gO H

F orm a­
tion of 
A g ,0

F orm a­
tion of 

AgO

F orm a­
tion of 

O 2

1.0 Air 0.08 0.16 0.43 0.68
1.0 Nitrogen .08 .16 .43 .66
1.6 Air .12 .18 .46 .69
1.6 Nitrogen .12 .18 .46 .68
4.9 Air .09 .15 .41 .61
4.9 Nitrogen .08 .15 .41 .65

13.2 Air .16 .42 .57
13.2 Nitrogen .15 .42 .60

The effect of KOH concentration is shown on 
Fig. 2. The point of interest here is that the fines 
representing points a', b' and c' on Fig. 1 are paral­
lel. Except at the highest concentration these 
lines are also approximately parallel to that for oxy-
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at a rate of 100 mv. per minute.

Fig. 2.— Effect of KOH concentration on the anodic 
processes of silver at room temperature. The letters refer 
to Fig. 1.

gen evolution. Thus, all of these reactions have 
the same dependence on hydroxyl ion concentra­
tion. This dependence can serve as a means for 
indicating the mechanisms for these reactions. 
However, it is slight except at the lower pH values. 
The reaction for the evolution of oxygen does in­
volve hydroxyl ions in these alkaline solutions. It 
should be noted that the points on Fig. 2 represent 
the minimum voltage at which these processes or 
reactions begin under these conditions.

Since these reactions appear to have the same de­
pendence on the hydroxyl ion concentration, the 
mechanisms likely also are similar. Reactions I-IV  
show such similarity and (II), (III) and (IV) are 
generally accepted as the equilibrium reactions. If 
these were the rate controlling electrochemical re­
actions one might expect a greater hydroxyl ion 

2Ag +  20H - — 2AgOH +  2e (I)
2Ag +  2 0 H - — =► Ag,0 +  H20  +  2e (II) 

Ag20  +  2 0 H - -— >  2AgO +  H ,0 +  2e (III) 
20H - -— 1/ 2O2 +  H20  +  2e (IV)

dependence than is actually observed. However, 
in the most dilute solutions there is such depend­
ence and as the concentration of KOH increases the 
number of hydroxyl ions is so large that they are no 
longer a limiting factor and an increase in concen­
tration does not materially add to the number 
“available”  for reaction. Arguing by analogy,
i.e., similarity in variation of voltage with hy­
droxyl ion concentration, reaction I likely repre­
sents the reaction taking place at a in Fig. 1.

The reaction at peak a appears to be something 
hitherto unreported. It was accompanied in each 
case by a slight discoloration of the silver electrode. 
It disappeared at the highest KOH concentration 
used, or it occurred at a potential so close to that of 
the formation of Ag20  that it was not discernible. 
To investigate this further, the applied voltage was 
held at that of peak a for some 30 minutes in 5 m 
KOH, and then the potential of the silver electrode 
was measured against the S.C.E. with a potentiom­
eter. The results are shown in Table II, together 
with the potentials of the other peaks. Whatever 
is formed at peak a does give rise to a distinct po­
tential value.

T a b l e  II
P o t e n t i a l  o f  V a r i o u s  S i l v e r  P r o d u c t s  

i n  5 M KOH
E  vs . S .C .E . ,

Substance V .

Ag wire +0.028
Peak a +  .052
Ag20 +  .067
AgO +  .511

An attempt was also made to determine the X - 
ray diffraction pattern of this substance. A larger 
( 1 X 4  cm.) sheet silver electrode was held at a volt­
age of +0.32 v. vs. a Hg-HgO electrode in 23% 
KOH. This voltage corresponded to that of peak
a. The Hg-IIgO electrode was used in order to 
eliminate the anions other than OH- , and to elimi­
nate the resistance due to the fritted glass disk and 
agar plug. Because of the larger silver electrode a 
larger cell was used and the electrodes were farther 
apart. Even with this arrangement the current 
passed was only a few microamps. The silver elec­
trode was held at the potential mentioned for 2 days. 
During this time the electrode became discolored 
and the current decreased from 2 microamps to 0. 
The electrode then was rinsed quickly in distilled 
water, dried with filter paper and X-rayed. The re­
sults, however, were the lines for silver and only 
silver. In fact, the silver pattern was a better one 
than that obtained before this treatment. The dis­
colored area also had a smoother appearance under 
the microscope than did the untreated area. It ap­
pears that the “high”  points on the silver surface 
were attacked to form Ag+ ions or AgOH, and the 
AgOH dissolved in the electrolyte. The discolora­
tion of the electrode, then, was not due so much to a 
deposit of AgOH on the electrode as to the “ smooth­
ing”  of the electrode surface by this action.

On the basis of the evidence it seems likely that 
peak a corresponds to reaction I. The similarity 
in dependence on hydroxyl ion concentration be­
tween this reaction and reactions II and III is thus 
accounted for. The poten tial set up by the reaction 
at peak a is then the potential between the silver 
in the electrode and the dissolved AgOH in the elec­
trolyte, whereas that at peak b is the potential be­
tween the Ag and the Ag20  both in the electrode. 
The AgOH likely exists in solution as Ag(OH)2~ or 
AgO- . As soon as the film of electrolyte next to 
the surface of the electrode has a certain amount of 
this species dissolved in it the reaction slows down 
and the current decreases.
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Since KOH solutions absorb C 02 very readily it is 
conceivable that a film of Ag2C0 3  could be formed 
on the electrode. However, it is unlikely that this 
happens at peak a because the voltage needed for 
the formation of such a film in basic solutions is 
about 130 mv. greater than that required for the 
formation of Ag20 .6 Furthermore, the presence of 
such a film probably would have been detected in 
the X-ray diffraction patterns.

If peak a were due solely to the charging of the 
double layer it is difficult to account for the discol­
oration of the electrode.

The discussion above, in terms of reactions I—III, 
has dealt with equilibrium conditions and the po­
tentials for these conditions. The mechanisms of 
these processes, however, need not correspond to 
these reactions. The fact that the hydroxyl ion de­
pendence for each of these processes is similar to 
the others indicates a similarity of mechanisms. 
The simplest mechanism would involve a single hy­
droxyl ion. As the potential of the silver becomes 
more positive it attracts the hydroxyl ions to it and 
may form AgOH or AgO-  and H +, the latter imme­
diately combining with another hydroxyl ion to 
form H20. A s the potential of the silver becomes 
still more positive, not only are hydroxyl ions at­
tracted to the silver but the charge on the silver is 
sufficient to separate the oxygen from the hydro­
gen in the hydroxyl ion and the H + can then unite 

Ag Agx
+  O H -— > >0 +  H + (V)

Ag Agx
with an OH-  ion to form H20. This reaction con­
tinues until the surface is covered with Ag20. The 
addition of 0 ”  ions into the silver lattice also re­
duces the positive charge on the surface. Conse­
quently, in order to continue the introduction of 
oxygen into the lattice the potential of the electrode 
(or the surface) must be increased still further. 
This can be done by, in effect, removing a second 
electron from each silver atom. This then, by the 
same type of action as described above, introduces 
another 0 = ion into the lattice forming a surface 
layer of AgO. As the potential becomes increas­
ingly positive the reaction continues but since no 
more oxygen atoms or ions can be accommodated in 
the electrode lattice under these conditions, the 
liberated oxygen is evolved. It is possible also 
that when the potential of the electrode surface is 
sufficiently high the H 02-  ion may be formed and 
decompose to produce the oxygen.

The formation of a layer of Ag20  also increases 
the electrical resistance of the electrode surface.7 
As this layer is built up the current passed through 
the system at a given potential decrease.

While the effect of agitation was very slight, it 
did modify the voltage necessary to begin all these 
reactions very slightly, but only in the most dilute 
solutions used. In those solutions, where the con­
centration of the hydroxyl ions is so small, the agi­
tation may disturb the migration of these ions to the 
electrode, necessitating a slightly higher voltage for 
causing these reactions to begin. This was the ef­
fect observed.

(6) W . M . Latim er, “ Oxidation P oten tials,”  P ren tice-H all, Inc., 
New Y o rk , N . Y .,  1952, 2nd E d ., p . 191.

(7) M . Le B lanc and H. Sachse, P h y s ik .  Z . ,  32, 887 (1931).

Fig. 3.-—Potential-pH diagram for silver and its oxides 
at 25°: O, voltages at which formation of A&( 1 begins; 
•, voltages at which formation of AgO begins; 3 , voltages 
at which oxygen is evolved.

The temperature effect over the range studied is 
small, but most pronounced at lower KOH con­
centrations. This may be due to the greater vis­
cosity of such solutions at the lower temperature. 
As the concentration increases, the viscosity also 
increases, but no appre liable change in voltage is 
necessary to start these reactions at the higher 
concentrations. This may be due to the fact that 
the effect of higher viscosity is offset by the in­
creased number of hyc.roxyl ions. Since only a 
surface film of the oxides is formed in this method 
there are sufficient hydroxyl ions at the surface for 
reaction at these higher KOH concentrations and 
little migration of these ions is necessary.

Further information regarding the mechanisms 
of these reactions can te  obtained by reference to 
Fig. 3, which is a modification of data published 
earlier.8 The lines plotted here represent reversi­
ble potentials for the reactions indicated. The pH 
values were determined by using the data of Aker- 
lof and Bender.9 The data for the H 02~ ion were 
obtained from ref. 6, p. 45. The two lines for the 
evolution of 0 2 represent the variation of potential 
as the pressure of 0 2 varies from 0.2 to 1.0 atm.

At the lower pH values the formation of Ag20  
from Ag takes place at potentials lower than that 
for the formation of oxygen. Hence the produc­
tion of Ag20  here is not by means of the action of 
oxygen on silver. At higher pH values the forma-

(8) P. D elah ay, M . Pourbaix and P . Van Rysselberghe, J . Electro- 
chem. S oc., 9 8 , 65 (1951).

(9) G . C . A kerlof and P. Bender, J . A m . Chern. S oc., 7 0 , 2366 
(1948).
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tion of Ag20  does take place at potentials above 
that for the formation of oxygen but there is no 
evidence that the mechanism here is different from 
that at the lower pH values.

Similar reasoning shows that the formation of 
AgO from Ag20  does not involve the H 02~ ion.

However, the mechanism of the formation of 
oxygen may involve this ion, but this is a subject 
that will be dealt with in a later paper.
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Calorimetric investigations of the heats of solution of sodium benzoate in water and dilute acid have been carried out 
at 10, 25 and 40°. Heats of ionization of aqueous benzoic acid at each of these temperatures have been calculated from the 
results of these calorimetric experiments. The heats of ionization have been used to calculate the change in heat capacity 
on ionization. Results of earlier investigations of the ionization constant of aqueous benzoic acid have been combined with 
our data to give the entropy of ionization and thereby have made it possible for us to derive a thermodynamic equation 
for the ionization constant of aqueous benzoic acid as a function of temperature. From solubility data in the literature 
we have calculated the free energy, heat and entropy of solution of benzoic acid. These data have been used with the above 
mentioned data to calculate the free energies and heats of formation and entropies of aqueous benzoic acid and benzoate ion 
and the heat of formation of crystalline sodium benzoate (all in the standard state at 298°K.).

Jones and Parton1 have reported thermody­
namic ionization constants of aqueous benzoic acid 
at several temperatures and have calculated heats 
of ionization (±150 cal./mole) at several tempera­
tures. Heats of ionization of aqueous benzoic acid 
also have been determined calorimetrically by 
Cottrell, et al.,s at 10, 20 and 30°. These heats 
are in only fair agreement with those reported by 
Jones and Parton.1 The change in heat capacity 
on ionization (ACP°) as calculated from these heats2 
is not in agreement with ACP° given by Jones and 
Parton.1

Jones and Parton have also calculated (with in­
correct results) from solubility data in the litera­
ture the entropy of solution of benzoic acid and have 
combined this entropy of solution with their en­
tropy of ionization and an old value for the en­
tropy of crystalline benzoic acid to obtain the en­
tropy of aqueous benzoate ion.

We have determined calorimetrically the heat of 
ionization of aqueous benzoic acid at 10, 25 and 
40°. These heats have been used with data from 
the literature to calculate several free energies and 
heats of formation and entropies and to derive a 
thermodynamic equation for the ionization con­
stant of aqueous benzoic acid in the temperature 
range 10-40°.

Experimental
The solution calorimeter used in this investigation has 

been described in detail.3-4 Because of the small heats with 
which this investigation was concerned, particular care was 
used in determining the heat effects associated with stopping 
the calorimeter stirrer for a few seconds (known ±0 .5  
second) and the simultaneous breaking of the sample bulb 
attached to the stirrer.

(1) A . V . Jones and II. N . Parton, Trans. Faraday S oc.. 4 8 , 8 
(1952).

(2) T . L . C ottrell, G . W . D rake, D . L . Levi, K . S. T u lly  and J. A . 
W olfenden, J . Chem. S oc., 1016 (1948).

(3) C . N . M uldrow , Jr., and L . G . H epler, J .  A m . Chem. S oc., T9, 
4045 (1957).

(4 )  R .  L . Graham  and L . G . H epler, ibid ., 7 8 , 4846 (1956).

Sodium benzoate, Baker and Adamson U.S JL grade, was 
recrystallized at least twice from ethanol-water mixtures. 
Recrystallized sodium benzoate was dried at 150° and stored 
in a desiccator. Analysis of this sodium benzoate was by 
titration with perchloric acid in glacial acetic acid with 
methyl violet used as indicator.5 Perchloric acid for this 
purpose was standardized by titration against potassium 
acid phthalate in glacial acetic acid.6 Various samples of 
sodium benzoate were found to require for neutralization 
99.5-99.7% of the calculated amount of 11 CIO..

Hydrochloric acid solutions were prepared and standard­
ized by common methods.

All of the calorimetric experiments were carried out with 
950 ml. of solution in the calorimeter vessel at 10.0 ±  0.4°, 
25.0 ±  0.3° or 40.0 ±  0.5°.

Results and Calculations
Heats of reactions 1 and 2 at 10, 25 and 40° 

were measured over a range of concentrations in 
dilute solution.
C6H5COONa(c) =  CoILCOO-(aq) +  Na+(aq) ( 1 )  A  H l
C6H5COONa(c) +  H +(aq) =

C6H5COOH(aq) +  Na+(aq) (2) M h

Heat and concentration data for the 25° experi­
ments are given in Tables I and II. The standard 
heats of reaction 1, AJ7j°, at 10, 2-5 and 40° were de­
termined graphically (AHi plotted vs. ra',i) by ex­
trapolating the experimental heats to zero concen­
tration dissolved sodium benzoate. In making 
these extrapolations we were guided by experimental 
heats of dilution of other electrolytes and by the 
Debye-Hiickel limiting law as well as by our own 
data. The standard heats of reaction 2, AH2°, at 
10, 25 and 40° also were determined graphically by 
extrapolating to zero concentration. All of these 
reactions were carried out in such dilute solutions 
that all heats of dilution were small.

The values we have found for A // /1 and A //2° at 
10, 25 and 40° are given in Table III. Uncertain­
ties listed in Table III are our estimates of the un-

(5) r .  K ashim a, B ull. N atl. H yg. Lab. (T ok yo ),  7 2 , 145 (1954); 
C. A . ,  4 9 , 7186g (1955).

(6) W . Seam an and E . A llen, Ariel. Chem., 23, 592 (1951).
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T able  I

H eat of Solution of Sodium B enzoate a t  25°
Moles

CeH sCO O N a/ 
950 m l.

M oles/liter 
added N aO H  

soin.

AH ,
(cal./m ole

CeH sCOONa)

0.00837 0.01039 — 526
.01427 .001039 — 515
.01538 .001039 -5 0 0
.02034 .02558 -5 2 6
.02675 .002558 -4 8 9
.03390 .001279 -4 9 4
.03649 .002558 -4 9 8
.03864 .001039 -5 0 7

T able II
H eat of R eaction of C6HsCOONa(c) with  HC1 (aq)

25°
M oles

CaH sCO O N a/ 
950 ml.

IICI,
M

A h 2
(cal./m ole

CellfiCO O N a)

0.002201 0.03354 — 679
.006369 .09777 —637
.007916 .09777 -6 5 7
.009033 .02444 -6 6 2
.009952 .02444 -6 3 0
.01133 .08386 -6 7 0
.01195 .04889 -6 3 5
.01259 .02444 -6 6 2
.01419 .02444 -6 7 5
.01938 .08386 -6 4 3
.01968 .03354 -6 4 3
.01989 .04889 -6 3 3
.02047 .09777 -6 3 9
.02122 .04889 -6 4 5
.02857 .09777 -6 4 5

certainties for these reactions at the specified tem­
peratures. These uncertainties include contribu­
tions from our experimental measurements and 
from the extrapolations to infinite dilution.

T able  III
Standard H eats of R eactions 1 and 2 at  10, 25 and 40°

Temp. AH ,« AH 2»
(°C.) (cal./mole) (cal./mole)
10 - 6 6 5  ±  65 -1 4 5 0  ±  95
25 - 5 6 5  ±  35 -  670 ±  35
40 -2 4 0  ±  40 +  225 ±  40

The ionization of benzoic acid in aqueous solu­
tion may be written as in equation 3. We see that 
C6HsCOOH(aq) =  CsHsCOO+aq) +  H+(aq) (3) A tf30
A773° =  A H i° — A l l 2°, and therefore calculate that 
AH3° =  +785 ±  110, +105 ±  40 and -4 6 5  ±  
50 cal./mole at 10, 25 and 40°, respectively. Be­
cause AH30 is the difference in two heats determined 
in the same way so that systematic errors at least 
partly cancel, the uncertainty in A H is consider­
ably less than the sum (or the square root of the 
sum of the squares) of the uncertainties in AH° and 
A H f .

Jones and Parton1 have given an empirical equa­
tion for the heat of ionization of aqueous benzoic 
acid as a function of temperature and have calcu­
lated the values for A //3n given in Table IV. We 
also have listed in Table IV our calorimetric heats 
of ionization and those of Cottrell, et al. 2 The es­
timates of uncertainties for the heats of ionization 
determined by Cottrell, et al., and Jones and Par-

ton are theirs. We believe the estimates of Cot­
trell, et al., may be a bit optimistic.

T a b l e  IV
H eats of I onization of A queous B enzoic A cid

Temp. Cottrell,
(cal . / mole)

Jones and
(°C.) et al. Parton Present
10 + 622  ±  60 + 785  ±  110
20 + 295  ±  60 + 3 3 8  ±  150
25 +  104 ±  150 +  105 ±  40
30 -  68 +  60 - 1 4 3  ±  150
35
40

- 3 9 0  ±  150
- 4 6 5  ±  50

The thermodynamic equation for the tempera­
ture dependence of AH0, dAH°/dT =  ACp°, has 
been used to evaluate ACP° for the ionization of 
aqueous benzoic acid. We have plotted all of the 
AH3° values in Table IV (indicating the uncertainty 
associated with each A //3° value) vs. the temperature 
and have concluded that ACP° =  —40 ±  4 cal./mole 
degree. Neither the equilibrium data nor the calo­
rimetric data are sufficiently accurate to justify 
considering ACP° to be anything more elaborate 
than a constant ± 4  cal./mole degree.

The ionization constant of aqueous benzoic acid 
has been investigated many times at 25°. On the 
basis of some of the investigations that appear to be 
the best, namely, those of Jones and Parton, B rock ­
man and Kilpatrick,7 Saxton and Meier8 and 
Dunsmore and Speakman9 we have chosen 6.29 X 
10-6 for the thermodynamic ionization constant o: 
aqueous benzoic acid at 25°. We, therefore, cal­
culate that the standard free energy of ionization of 
aqueous benzoic acid is 5732 cal./mole at 298.1o°K. 
and taking Aif3° =  105 cal./mole we calculate that 
the standard entropy of ionization is —18.9 cal./ 
deg. mole.

We know from thermodynamics that AH° =  
AHo +  ACP°T and AS0 =  ASo +  A(7P0 In T and have 
evaluated the constants of integration, AII0 and 
ASo, from our values for AH£ and AiS3° at 298°K. 
and our A(7P0. By combining these results with 
the thermodynamic expressions AF° =  — RT  In 
K  =  AIP — TAS°, we have derived equation 4

log K  =  54.427 -  2629/T -  20.13 log T  (4)

which gives log K  (ionization constant of benzoic 
acid) as a function of temperature. We have found 
that this equation reproduces the experimental 
equilibrium constants satisfactorily. There is no 
justification for using a more complicated expres­
sion for log K  (which is equivalent to using AC,,° =  
f(T)). Pitzer10 previously has used and justified 
an equation of the form of our 4 to represent the 
temperature dependence of log K. Our observa­
tions that AS0 and A<7P° of ionization of benzoic 
acid are —18.9 cal./mole and —40 cal./deg. mole 
are in accord with Pitzer’s10 generalizations about 
A>S0 and ACp° of ionization of weak acids.

The free energy and heat of formation and er-
(7 )  F . G . Brockm an and M . K ilp a t r ic k ,  J .  A m . C h em . S o c ..  5 6 , 1483 

(1934).
(8) B. Saxton and H. F . M eier, i b id . , 5 6 , 1918 (1934).
(9) H. S. Dunsmore and J. C . Speakm an, Trans. Faraday S o c .,  50 

236 (1954).
(10) K . S. Pitzer, J . A m . C h em . S o c .,  5 9 , 2365 (1937).
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tropy of crystalline benzoic acid are all accurately 
known. 11 We therefore needed to know the stand­
ard free energy, heat and entropy of solution of 
benzoic acid in water in order to make the fullest 
use of our thermodynamic data for the ionization of 
benzoic acid. The solubility of benzoic acid in wa­
ter has been determined at various temperatures by 
several investigators1 2 -1 4  and these data provide 
the means of calculating the desired free energy, 
heat and entropy of solution. The reported solu­
bilities represent the total concentration of benzoic 
acid, dissociated and undissociated, in saturated 
solution. From these total solubilities and ioniza­
tion constants at the corresponding temperatures 
we have calculated the concentrations of undisso­
ciated benzoic acid present in the saturated solu­
tions.

Following Jones and Parton1 we have calculated 
as a first approximation the standard free energy of 
solution of benzoic acid in water, as in equation 5, 
from the relation AF° =  —RT In S

C6H6COOH(c) =  C6H5COOH(aq) (5)
where S is the concentration of undissociated ben­
zoic acid in the saturated solution. This treat­
ment, which is based on the assumption that the 
activity coefficient of benzoic acid is unity at each 
temperature considered, leads to AF6° =  2150 
cal./mole, A776° =  6200 cal./mole and AS50 =
13.5 cal./deg. mole. Jones and Parton1 erred in 
this calculation in that they used the wrong total 
solubility at 35° and transposed two numbers in 
the 25° solubility given in their paper and used in 
their calculation.

A more exact treatment has been carried out by 
Paul15 who has avoided making the assumption 
that all activity coefficients are unity. His treat­
ment, based on A/76° =  6500 cal./mole, leads to an 
activity coefficient of 0.94 for benzoic acid in satu­
rated solution at 25°. This activity coefficient 
combined with the concentration of undissociated

(11) G . T . Furukaw a, R .  E . M cC osk ey and G . T . K in g, J . R esea rch  
N a tl. B u r . S tan d ard s, 4 7 , 256 (1951).

(12) F . Hoffman and K . Langbeck, Z. p h y s ik . C h em ., 51, 385 
(1905).

(13) G . M . Goeller and A . Osol, J . A m . C h em . S o c .,  59, 2132 (1937).
(14) T . J. M orrison, T ra n s. F a ra d a y  S o c .,  4 0 , 43 (194 ).
(15) M . A . P au l, J .  A m . C h em . S o c .,  75, 2513 (1953).

benzoic acid in saturated solution at 25° gives a 
value for the activity of benzoic acid in agreement 
with that found by Kolthoff and Bosch16 and leads 
to A/'T =  2160 cal./mole. This free energy with 
the above heat leads to A*Ss° =  14.5 cal./deg. mole. 
We also have carried out a treatment of the solu­
bility data similar to the second method described 
by Paul15 and have found values for the free energy, 
heat and entropy of solution between those already 
given. We therefore choose A/'V =  2160 cal./ 
mole, A775° =  6400 cal./mole and AS£ =  14 cal./ 
deg. mole.

We have used our thermodynamic data for the 
solution and ionization of benzoic acid with Bureau 
of Standards data of Furukawa, et al.,n on crystal­
line benzoic acid to calculate standard free energies 
and heats of formation and entropies of aqueous 
benzoic acid and benzoate ion. We also have cal­
culated the heat of formation of crystalline sodium 
benzoate from our heats of formation of aqueous 
benzoic acid and benzoate ion and heats of reactions 
1 and 2. All of these thermodynamic quantities 
(298°K.) are given in Table V.

T a b l e  V
S u m m a r y  o f  F r e e  E n e r g i e s  a n d  H e a t s  o f  F o r m a t i o n  

a n d  E n t r o p i e s  (298°K.)

Substance
AF{°

(keal./
mole)

AH(°
(keal./mole)

£2*(cal./
deg.mole)

C6H5COOH(aq) -5 6 .5 -8 5 .7 54
C6HsCOO-(aq) -5 0 .7 -8 5 .6 35
C6H6COONa(c) -142 .3

Uncertainties in the free energies given in Table 
V  are less than 0.1 kcal./mole and uncertainties in 
the heats and entropies are about 0.3 kcal./mole 
and 1 cal./deg. mole. Almost all of these uncer­
tainties should be attributed to difficulty in the 
thermodynamic interpretation of the solubility data.
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The solubility of tributyl phosphate in water and electrolyte solutions of variable concentration has been measured at 
temperatures ranging from 5 to 50° through the use of phosphorus-32 labeled TBP. The Setschenow equation is obeyed 
over a wide concentration range for all the salts studied. Although the solubility decreases markedly with increasing tem­
perature, the salting coefficient k , is almost temperature independent. The linearity and equality of slope of the k. vs. 1 /T  
curves for most of the salt systems studied indicates that the term X/ZV in the limiting Debye-McAulay equation is a con­
stant independent of temperature. Consistent with Rothmund, the changes of kB with temperature can be ascribed to a 
small AH effect indicative of an invariant of water or the organic. The salting coefficients at 25° for all the electrolytes 
tested, excepting nitrates, are correlated with the Gurney unitary partial molal electrolyte entropy concept.

The tributyl phosphate2*1 molecule, a large polar 
basic non-electrolyte2b with a highly local specificity 
for one molecule of water3 is an interesting and 
useful solvent for the investigation of aqueous 
organic-salt interactions. Its low solubility in 
water (~ 0 .4  g. per liter at 25°) considerably re­
duces the complications that may arise in the inter­
pretation of its activity coefficients in aqueous solu­
tions. The development of synthetic techniques 
for the labeling of TBP4’6 with radioactive phos- 
phorus-32 has facilitated the investigation of the 
physical chemical behavior of such aqueous systems.

Concerning the problem of studying the effects 
of salts on the solubility of TBP in aqueous solu­
tions, the general techniques, theories and thermo­
dynamics employed in such ternary phase prob­
lems have been ably summarized in two excellent 
review articles.6-7

Only a small amount of data, however, is avail­
able relative to the salting out characteristics of 
tributyl phosphate in aqueous solutions. More­
over, the available data pertain, for the most part, 
solely to nitrate systems at one temperature,5’8’9 
a highly understandable factor when one realizes 
that most of the emphasis on TBP has been in the 
area of practical separations. A rather detailed 
study using a large variety of electrolytes at several 
temperatures was therefore deemed essential.

Our ultimate objective, however, was to de­
termine what common factors existed between the 
salting out behavior of TBP in dilute aqueous

(1) T his paper is based on w ork performed for the U nited States 
A tom ic E nergy Com m ission a t the O ak R idge N ational L aboratory 
operated b y  Union C arbide Corporation.

(2) (a) T ri-n -b u tyl phosphate, hereafter called T B P , is an ester
o

having the structure C4H 9OPOC4H9. (b) W . G ordy and S. C .
o
C4H 9

Stanford, J .  C h em . P h y s . ,  9, 204 (1941).
(3) W . H. Baldw in, C . E . H iggins and B. A . Soldano, T his Journal, 

63, 118 (1959).
(4 )  (a) W . H. Baldw in  and C . E . Higgins, A m . C h em . S o c .,  7 4 , 

2431 (1952). (b) C . E . H iggins and W . H. Baldw in, J . O rg. C h em ., 2 1, 
1156 (1956).

(5) J. K en n ed y and S. S. G rim ley, A E R E -C E /R -12 8 3 , D ec. 1, 
1953. D ecl. A pr. 2, 1957.

(6) P . M . Gross, C h em . R ev s .,  13 , 91 (1933).
(7) F. A . Long and W . F . M c D e v it, ib id .,  61, 119  (1952).
(8) L . L . Burger and R . C . Forsznan, HW-20936, A p r. 2, 1951. 

Decl. M ar. 2, 1957.
(9) K . A lcock, S. S. Grim ley, T . V . H ealy, J. K ennedy and H. A . C . 

M cK a y, T ra n s . F a ra d a y  S o c . ,  6 2 , 39 (1956).

solutions and the usual conditions under which 
this solvent is employed: namely, all TBP con­
taining a varying amount of hydrated electrolytes. 
This latter phase of the present study will be con­
sidered in Part II3 of this work.

Experimental
Materials.—All reagents were C.p . grade. Solutions of 

hydrobromic and hydriodic acids were made from freshly 
distilled acids.

Standardization of solutions (both before and after equili­
bration) was made by electrometric titration with a Fisher 
Titrimeter. Acids were analyzed w ith standard sodium hy­
droxide, silver nitrate was standardized against dry potas­
sium chloride, and the halide solutions were titrated with 
standard silver nitrate.

Tributyl phosphate-P32 (TBP-P32) was prepared in 85% 
yield by the ester interchange between redistilled tributyl 
phosphate and anhydrous phosphoric acid-P32 as reported 
elsewhere.4b The TBP-P32 used for practically all the de­
terminations had a specific activity of 40 to 50 nc. per milli­
mole at the start and was discarded after decaying to about 
3 ¿tc./mmole. Before testing with electrolyte solutions 
each batch of TBP-P32 was water washed at 25° until con­
stant activity in the aqueous phase was obtained. The 
first washes were higher in activity than those of subsequent 
equilibrations. Usually only four or five equilibrations were 
necessary. However, some TBP-P32 batches required more 
washes than others. Equilibration of the labeled ester with 
1 M  sodium hydroxide for several hours, followed by water 
washes, effectively reduces the number of passes required to 
attain constant activity in the aqueous phase.

Equilibration.—A rate of solubility attainment study 
showed that equilibrium was reached in 5 to 10 minutes when 
the samples were tumbled at 20 r.p.m. in the constant tem­
perature bath at 25°. In all solubility tests the equilibra­
tion mixture (one-half to one ml. water washed TBP-P32 
plus 10 ml. of electrolyte solution in glass stoppered mixing 
cones of about 15-ml. capacity) was adjusted to the tempera­
ture of the bath, stoppered and tumbled in the bath at the 
desired temperature for one-half to one hour.

Phase Separation.—It was found experimentally that 
solubility could be measured with a higher degree of accuracy 
by allowing the tubes to stand upright in the bath for one 
hour to effect phase separation. The settling technique was 
adopted rather than that of centrifugation since the latter 
technique invariably resulted in an increase in the tempera­
ture of the solution, thereby upsetting the solution equilib­
rium. Samples at 25° centrifuged 5, 10 and 30 minutes had 
temperatures of 27,29 and 33 ° , respectively, with correspond­
ing solubilities of 400, 386 and 350 mg. TBP per liter of 
water compared with the 422 mg. per liter found at 25° using 
the settling technique.

Excellent phase separation was ensured through the use of 
sample tubes thoroughly cleaned in hot sulfuric acid. In 
ordinary cleaned glassware TBP droplets clung to the walls.

The aqueous (bottom) layer was removed with a 15-ml. 
pipet having a drawn out tip. The sample containers and 
transfer pipets were adjusted to the temperature of the bath 
before transfer of the sample. In most cases the samples 
were stored in stoppered tubes in the bath overnight to ensure 
complete separation before analysis.
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Fig. 1.— Effect of electrolytes on the activity coefficients of 
tributyl phosphate at 25°.

TBP Solubility Determinations.—The solubility of TBP 
in water and several electrolyte solutions was measured si­
multaneously at each temperature. Temperatures of 5, 
13, 25 and 50 ±  0.2° were employed. The equilibration and 
separation technique described above was repeated with 
fresh portions of the same strength stock solution enough 
times (usually five) that the last three passes resulted in elec­
trolyte samples which contained the same amount of activity. 
These samples also were analyzed for electrolyte concentra­
tion, which was the same as that of the stock solution.

In the electrolyte studies the solubility was measured in 
the concentrated solutions first; the TBP-P32 then was 
washed with water and given the consecutive pass treatment 
with a lower concentration of the same electrolyte. Im­
mediate re-equilibration at 13° of saturated solutions from 
the 5° solubility determinations resulted in the same solu­
bilities as when the regular method was employed at 13°, 
except for the case of sodium hydroxide.

The solubility values reported were shown to be unin­
fluenced by hydrolysis of the TBP. Samples neutralized 
with sodium hydroxide were extracted three times with ex­
cess volumes of carbon tetrachloride, followed by re-assay 
of the aqueous for activity. At 25° only sodium hydroxide 
was an offender of consequence. In a 1 Hi NaOH solution 
which had stood overnight 18% of the activity was non- 
extractable into CCfi. However, most of the hydrolysis 
was shown to have occurred on TBP-P32 in solution since 
only 2%  was non-extractable into CCU after the equilibra­
tion and one hour settling period. Hydrolysis at 50° by 
NaOH was so pronounced that it was impossible to ascertain 
the true solubility of TBP. Hydrolysis of the TBP by 
electrolytes was of the order NaOH < <  H I<  Lil< HC1< 
HNO3. A 3  M  HC1 solution containing TBP-P32 (0.37 g ./ 
liter) which stood overnight at 50° hydrolyzed only 5%  of 
the TBP-P32.

Activity Assay.—The amount of tributyl phosphate in the 
aqueous phase was determined by counting a dilution of an 
aliquot containing sufficient activity in the solution counter 
previously described.10 The specific activity of the labeled 
ester was measured at the same time for comparison. (S in 
mg. TBP per liter of aqueous solution was equal to the activ­
ity per liter of aqueous divided by the activity per mg. of 
dry TBP-P.32) Duplicate samples of the distilled TBP-P32 
were weighed and diluted to a known volume with 50% di- 
oxane. Suitable aliquots were counted in solutions of the 
same composition as the aqueous samples assayed.

At 25° the determination of activity in the electrolyte

(10) C . E . H iggins and W . H. Baldw in, A n al. Chem., 27, 1780
(1955).

solutions was performed on known volumes. At the other 
temperatures a known weight of solution was counted and 
the activity per liter of electrolyte was obtained by the use of 
density curves for each electrolyte at each temperature.

Results
The solubility of tributyl phosphate in water

(So) at temperatures from 3.4 to 50° is listed in 
Table I. The values listed are the averages of at 
least two separate determinations and at 25° So is 
the average of thirty measurements made on seven 
batches of TBP-P32 at different times. The largest 
average deviation of a single determination from 
the mean occurred in the 25° measurements and 
was ±  1.8%. On a molar basis the solubility of 
TBP in water drops from 0.0040 M  at 3.4° to 
0.0011 at 50°, with a value of 0.0016 M  at 25°.

T a b l e  I
T h e  S o l u b i l i t y  o f  TBP in  W a t e r  

Temp., °C. 3 4 4.0 5.0 13.0 25.0 50.0
S„, mg. TBP/1. 1075 1012 957 640 422 285

The values of S0 presented here are somewhat 
higher than those reported by Alcock, et a l .,9 
presumably because they used a centrifugation 
separation technique. Since So decreases with 
rising temperature the temperature increase from 
centrifugation would decrease the solubility of TBP 
and thereby possibly account for lower reported 
values.

The values of molar activity coefficient /  of 
TBP in electrolyte solutions reported here have 
been obtained from equation 1 as described by

/  = f°  (1)

McDevit and Long,11 where So is the molar solu­
bility of TBP in pure water and S is the molar 
solubility of TBP in a given concentration of 
electrolyte. Activity coefficients for each equilib­
rium electrolyte concentration (Cs) at 25° are listed 
in Table II. Salting coefficients (lcs) at 5, 13, 25 
and 50° are found in Table III. The constant 
ks is the slope obtained from the curve resulting 
from the plot of log /  vs. electrolyte concentration 
Cs in moles per liter. The curves for each elec­
trolyte at 25° are shown in Fig. 1, depicting the 
fit of the data to the Setschenow6 equation in all

log /  =  k,C. (2)

cases except those of nitric and hydrochloric acids, 
which do behave in the dilute range, however.

The lack of linearity in the HNO3 and HC1 
curves beyond 1 M  concentrations indicates specific 
interaction between the organic and these elec­
trolytes. Since the form of the Setschenow equa­
tion we are employing presupposes an absence of 
specific interaction it is probable, at least in the case 
of nitric acid, that the values of ks would be thereby 
affected. To minimize this possibility we have, 
in the case of acids, weighed the points in the 
dilute concentration range. This does not 
completely assure that the resultant values of ks 
are free of the above-mentioned complication. On 
the other hand it will be shown that the values

(11) W . F . M c D evit and F. A . Long, J. A m . Chem. Soc., 74, 1773 
(1952).
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T a b l e  II

A c t i v i t y  C o e f f i c i e n t s  o f  T r i b u t y l  P h o s p h a t e  i n  A q u e o u s  S o l u t i o n s , 25°

Electro­
ly te C„ / C, / C, 1 Cs

lo g / /c.
=  ks

v, -
Fs",

m l./
mole®

NaOH 0.216 1.38 0.315 1.66 1.00 4.52 0.65 24.5
NaCl .250 1.32 1.01 2.73 2.84 14.8 .408 12.5
KC1 .246 1.26 1.01 2.52 2.75 12.6 .398 10
CsCl .104 1.10 0.283 1.27 0.559 1.59 1.03 2.30 .353 7.5
LiCl .236 1.20 0.992 2.00 2.79 6.07 .284 9
LiBr .259 1.17 1.05 1.59 2.60 2.61 .161
KI .228 1.08 0.503 1.17 1.00 1.37 .133
AgNOs .245 1.07 1.00 1.30 2.72 2.31 .128
Nal .120 1.03 0.266 1.07 0.526 1.15 0.930 1.28 .116 8.0
HC1 .240 1.02 0.319 1.04 0.591 1.06 0.947 1.05 .020 2.5

1.02 1.07 2.03 0.995 2.81 0.890 3.07 0.856
HN03 0.255 1.00 0.307 0.950 0.522 0.954 0.994 0.997 .015

1.11 1.02 1.98 1.16 2.78 1.39 3.09 1.43
Lil 0.108 1.01 0.215 0.993 0.433 1.01 0.850 0.993 .000
HBr .230 0.984 0.513 0.946 1.03 0.841 - .078
HI .368 0.917 0.93 0.700 1.28 0.657 - .16

“ From McDevit and Long, reference 11.

T a b l e  III same electrolytes it can be seen that a much greater
S a l t i n g  C o e f f i c i e n t s  k „  f o r  T r i b u t y l  P h o s p h a t e  in  

E l e c t r o l y t e  S o l u t i o n s  a s  a  F u n c t i o n  o f  T e m p e r a t u r e

E lec­
trolyte 5° 13° 25° 50°

NaOH 0.66 0.66 0.65
NaCl .430 .427 .408 0.393
KC1 .420 .415 .398 .384
CsCl .353
LiCl .303 .300 .284 .280
LiBr .174 .177 .161 .156
KI .133
AgNOs .165 .152 .128 .114
Nal .116
HC1 .050 .077 .020 -  .047
HNOa . 1 2 2 .085 .015 -  .046
Lil .000
HBr -  .078
HI -  .16

of ks for acids, with the exception of H N 03, have 
the same temperature dependence as do those of 
the alkali halides. Likewise it will be shown in the 
subsequent paper3 that, wirji the exception of the 
nitrates, all the acids and salts behave in a similar 
fashion in a situation where one would expect the 
greatest specific interaction—namely, high salt 
concentration in TBP itself. Finally the simi­
larity in the water pickup of the acids,3 again ex­
cepting nitric acid, reinforces our conviction that 
our treatment does give a reasonable estimate of

A total of fourteen monovalent electrolytes was 
employed at 25° (Table II and Fig. 1). Sodium 
hydroxide salted out TBP the most (fcs =  0.65) 
while HI salted in the most (ks =  —0.16). The salt­
ing factor ks for each electrolyte decreased in the 
order NaOH >  NaCl >  KC1 >  CsCl >  LiCl >  LiBr
>  KI >  AgNCh >  Nal >  HG1 >  H N 03 >  Lil >  HBr
>  HI. Both hydrobromic and hydriodic acids 
caused salting in. Upon comparing the salting pa­
rameter ks for TBP* with that for benzene1112 in the

(12) J. H. Saylor, A. I. Whitten, I. Claiborne and P. M. Gross,
J. Am. Chem. Soc., 74, 1778 (1952).

spread and larger values are found using TBP. 
For example, ks in sodium chloride is twice that 
found for benzene and is four times greater in 
cesium chloride, while in hydrochloric acid the 
value is less, reflecting in part the large difference 
in size between the two molecules. The molar 
volumes of benzene and TBP at 25° are 89.4 and 
274 ml. per mole, respectively.

Although large differences in solubility occurred 
at varying temperatures (S0 =  957 mg./l. at 5° 
down to 285 mg./l. at 50°) relatively little change 
in ks was noted for a particular electrolyte over the 
temperature range involved. Table III summarizes 
the values of ks obtained from plots of log /  vs. Ca 
at each temperature. As the temperature rose 
k3 decreased somewhat, i.e., in sodium chloride 
ka varied from 0.43 at 5° to 0.39 at 50°. For the 
halide salts the spread was 6 to 10%. A larger 
spread was noted in the case of nitrates, 31% for 
silver nitrate, and the largest differences were 
displaced by nitric acid, with k8 decreasing from 
0.12 at 5° to a salting-in k3 of —0.046 at 50°. 
These results also can be seen in Fig. 2, in which 
is plotted ks vs. l/T  for several electrolytes. The 
halide salts all have practically the same slope 
whereas the slopes for silver nitrate and the acids 
are steeper.

Discussion
At the present two limiting theories exist as aids 

in interpreting the salting out data. One recently 
proposed for neutral type solutes is that of McDevit 
and Long11 and is expressed by

, _  m u  -  V»0) /o ’,
2.30oRT ' 1

where do is the compressibility of "water, U° is the 
partial molar volume of the non-electrolyte solute, 
Fs° is the partial molar volume of the electrolyte, 
Fs is the melted volume of the electrolyte, and ka 
is the salting coefficient in infinitely dilute solution.

The essential idea behind this equation is that the 
salts exert a pressure on the water, thereby affecting
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Fig. 2.— Effect of temperature on salting coefficients k, for 
tributyl phosphate in electrolyte solutions.

the solubility of the neutral solute. In addition to 
predicting salting in as well as salting out, the 
equation suggests that the problems of ternary 
systems are, in part, the same ones involved in the 
nature of the partial molar volumes of salts in 
water alone. For benzene type compounds and 
especially for non-polar compounds smaller than 
benzene this equation has achieved a measure of 
success and appears to offer a base on which to 
account for the other forces that affect salting in.

The other approach, originally proposed by 
Debye and McAulay,18 is based upon the ion at­
mosphere concept as applied to ternary systems at 
infinite dilution where

log/ = Xn’ Zi2e2

2DQrkT (4)

in which /  is the activity coefficient, n ' is the num­
ber of salt molecules per cc., v\ =  the number of 
ions of one kind in the molecule, Zi =  the valence 
of the ion, « is the charge on the electron, D0 is 
the dielectric constant of water, k =  Boltzmann’s 
constant, and r is an idealized empirical radius 
ascribed to the salt. The term X is the effect of the 
organic solute on the dielectric constant lowering 
of water and is defined by the expression D =  
■D0(l — Xn) where D is the dielectric constant of the 
solution containing n molecules of non-electrolyte 
per cc. From equation 2

and therefore equation 4 becomes
XÂ Sy1z12e

2,OOOD0rkT

where N  is Avogadro’s number.
TBP can be considered a Lewis-type base. It 

was therefore desirable to determine which of the 
two above approaches offered the most aid in

(13) P . D ebye and J. M cA u lay, P h y s ik . Z ., 26, 22 (1925).

interpreting our results. Although Long, et al.' 
claimed no generality in their approach since it is 
strictly applicable only to small non-electrolyte 
molecules, it was nevertheless of interest to test its 
applicability to our system.

Consistent with equation 3 one notes that the 
considerably larger volume of TBP is reflected in 
values of ka several times larger than those found 
for benzene. _As for the dependence of ka on the 
term (Fs — Fa°), however, our results were only to 
a first approximation consistent with equation 3. 
See Table II.

It was the temperature results, however, which 
indicated that TBP could not be considered to 
fit within the framework of the Long approach. 
As pointed out by Long and McDevit,8 differentia­
tion of equation 3 approximates the temperature 
coefficient

dfc» ^  _  F'° dK° . g ,
dT1 — 2.3R T  dT  v ’

or the temperature dependence of ke does involve 
the quantity dVl/dT, the size of which varies 
widely for most salts. Moreover, dV l/dT de­
creases rapidly with temperature. It can be noted 
from Fig. 2 that all the halide salts showed virtu­
ally identical temperature dependence. In view 
of these findings it appeared that the limiting case 
represented by the Debye-McAulay equation 
(eq. 5) might be of greater interpretative ad­
vantage.

Part of the difficulty with this limiting approach 
lies in the lack of information on X, the effect of the 
organic on the dielectric constant of water—espe­
cially as a function of temperature. Moreover, the 
r values are empirical in nature, although one can 
with some safety assume that these values of r 
are temperature independent.

With this assumption in mind equation 5 was 
applied to Fig. 2. The linearity and more im­
portantly the equality of slope of the halide salt 
systems portrayed implies that for those systems 
X/D0 =  c, where c is a constant independent of 
temperature. However, the uncertainties men­
tioned above caused us to look elsewhere for further 
interpretation of our data. Thus a thermodynamic 
approach was investigated.

The standard free energy change per mole for 
transferring TBP from a solution in pure water to 
one in which there is added electrolyte is given by 
the expression

AF =  R T  ln /i//i° (7)

where / ,  and /¡° are the molar activity coefficients 
of TBP in electrolyte solution and water, respec­
tively. Differentiating to obtain the temperature 
coefficient of /  results in the relationship

dln/i//i° _  AH
dT R T 2 ( ’

which Rothmund14 applied to a variety of non­
electrolytes and found a AH close to zero. In­
tegrating equation 8 we obtain

2.3 log/,//,• = H  +  C (9)

(14) V . R othm und, “ Löslichkeit und Löslichkeitsbeeinflussung,”  
B arth , Leipzig, 1907; Chem. Revs., 61, 119 (1952).
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and applying equation 9 to the halide salt curves in 
Fig. 2 we obtain a value for AH of 300 cal. for TBP 
in water. This result is the same for all the salts 
that retain the same temperature slope, and there­
fore is probably indicative of an invariant of water 
or the organic.

If for the term 2.3 log /i/jr'i0 in equation 9 we sub­
stitute its equivalent from equation 7, AF/RT, we 
obtain

A F  =  AH  
R T  ~  R T (10)

Since A F =  AH — TAS, equation 10 becomes
A F _  AH AS 
R T  ~  R T  R (11)

or

2.3k.C. = ^  (12)

where we have a form of the Setschenow equation, 
its thermal dependence (where AH is independent 
of temperature, small, and the same for the halide 
salts studied), and identification of the intercept 
term, C, from the ka vs. 1 /T plot, with entropy. 
The entropy term in equation 12, then, is the dom­
inant one. Hence it becomes important to corre­
late the salting coefficients within the entropy con­
cept.

Entropy is a measure of the extent of disorder in 
a system. In recent years there has arisen a con­
siderable emphasis on structure order-disorder 
phenomena and the role they play in aqueous solu­
tions.15 Frank16 has used it as a basis for inter­
preting the effects of temperature on organo-aqueous 
systems. Recently Bergen aud Long17 qualita­
tively discussed the role of this mechanism in salt­
ing studies.

The advantage of the Gurney approach lies in 
the extensive systematization that he achieved in 
correlating many properties of electrolytes within 
the elementary partial molal entropy concept of 
salts. For example, he was able to link the tem­
perature coefficients for ionic mobility, the effects 
of salts on the viscosity of water, the so-called B 
term that characterizes short range interactions in 
solution, all within the entropy concept originally 
pioneered by Latimer. Earlier, Dole18 proposed 
a correlation between the viscosity B term and 
thermodynamic heats of dilution for strong elec­
trolytes. What Gurney did was to show that the 
partial molal entropies of ions as determined by 
Latimer19 formed two linear lines, one for anions 
and one for cations, when plotted against the pri­
mary B term which determines the effect of salt 
concentration on the viscosity of water. He de­
veloped arguments to show that such a term would 
essentially account for the effects of salts on the 
primary hydration sphere of water and thereby lead

(15) R . W . G urney, “ Ionic Processes in Solution,”  M cG raw -H ill 
Book C o ., N ew  Y o rk , N . Y .,  1953.

(16) H. S. Frank and M . W . E vans, J . C h em . P h y a .,  1 3 , 507 (1945).
(17) R . L . Bergen, Jr., and F . A . Long, This Journal, 6 0 , 1131

(1956).
(18) M . D ole, unpublished w ork; presented before the 85th meet­

ing of the Am erican Chem ical Society W ashington, D. C ., M arch  29, 
1933.

(19) W . M . Latim er, K . S. P itzer and W . V . Sm ith, J .  A m . Chem. 
Soc., 60 , 1829 (1938).

Fig. 3.—-The relationship of the salting parameter k, to the 
unitary partial molal entropy of the added electrolyte in 
aqueous solution at 25°.

to order and disorder in water. Gurney then 
further normalized his ionic entropies, all related 
by Latimer to H +, so that all the cations and 
anions fell on the same straight line when plotted 
against the viscosity B terms. He then developed 
arguments to the effect that on such a scale not 
only relative differences between cations but also 
differences between cation and anion were signifi­
cant. Finally he showed that the partial molal 
entropies of salts in water all contained a constant 
or cratic term which reflected simply the number 
of moles of water in 1,000 grams of water. He 
then subtracted this 8 entropy units from his 
normalized entropy values and thereby obtained a 
series of unitary entropy values for both cations and 
anions that should determine true structural effects 
in water.

In view of this extensive empirical correlation, 
it was of interest to determine to what extent the 
Gurney approach could be applied to the problem 
of salt effects on a Lewis type basic non-electrolyte. 
We take advantage of the findings pointed out by 
Long7 to the effect that basic type non-electrolytes 
are largely sensitive to anion effects and rather 
insensitive to cations, with the cation effect ex­
tending no further than the H + and Li+ ions, both 
very small cations.

Our test treatment consists in then making two 
assumptions: (1) the H + in mineral acids tested 
will be considered to behave like a hydronium 
ion and (2) all the cations beyond Li+ behave as if 
they were protons (H+) (or essentially a dimen­
sionless unit charge). Then using the unitary 
values listed in Table X X X  of Gurney15 we have 
compared (Fig. 3) the resultant entropies for each 
electrolyte against all the corresponding salting 
coefficients. It is apparent that order-disorder 
effects do dominate the absolute magnitude of 
the ka values and furthermore that proton migra­
tion as reflected in the emphasis of H + ion 
plays a dominant role in this phenomenon relative 
to Lewis type bases. It may be of some signifi­
cance to point out that the value of the entropy 
term for kB =  0 is 14.5 e.u. This value agrees 
closely with the total partial molal entropy of 
H30 + and OH-  ions as determined by Gurney 
(ref. 15, p. 178).

We have emphasized the various effects of tem­
perature, order-disorder and salt effects on TBP
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for one reason. As conducted in this phase of our 
program we have a small amount of TBP dissolved 
in a large amount of water. We intend in the 
next paper to reverse the situation and determine 
the afhiiity of monohydrated TBP for selfsame 
salts when all the wider except that of primary 
hydration of ions is absent. Our aim is to thereby 
determine which types of salt-water-organic in­

teractions are common to both ranges and to de­
termine whether or not the various types of in­
teractions can be separated.
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THE DISTRIBUTION OF MONOVALENT ELECTROLYTES 
BETWEEN WATER AND TRIBUTYL PHOSPHATE1
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Equilibrium conditions have been measured for the distribution of electrolytes between water and tributyl phosphate 
and for the water in the tributyl phosphate. Two classes of extraction behavior have been noted depending upon whether 
or not water accompanies the electrolyte into the tributyl phosphate. The standard state free energy change has been 
shown to have a linear relationship with the Gurney unitary partial molal entropy.

It was of interest to investigate the interactions 
involved in the distribution of salts between water 
and various organic solvents. An excellent ther­
modynamic study of extraction of uranyl nitrate 
by various solvents has been made by Glueck- 
auf, et al.2 The nature of tributyl phosphate 
(TBP) solutions containing many different ni­
trates has been studied by Healy and McKay.3 
In our study special emphasis was placed on TBP 
and on univalent electrolytes which are not usually 
considered extractable by this solvent. This ap­
proach was undertaken with the view that investi­
gation of difficultly extracted species might also 
give fundamental information on the solvent ex­
traction mechanism. There was an indication, 
moreover, that Gurney’s4 unitary entropy concept 
for ion hydration in aqueous salt solutions may be 
closely identified with the salting out behavior of 
TBP in aqueous solutions.5 Since any distribu­
tion study of the affinity of TBP for salts involves 
an empirical disposition of the “ primary ion hydra­
tion”  problem, any links established between the 
factors governing the solvent-salt behavior of TBP 
and the previously discussed salting coefficients 7cs 
should be useful in shedding further light on the 
Gurney unitary entropy concept. The latter ap­
proach is intentionally vague as to the number of 
waters involved in the ion co-sphere. It does, in 
common with the Debye-McAulay6 approach, 
however, clearly demonstrate the electrostatic na­
ture of ion-solvent interactions.

In a limited sense, moreover, a simple empirical 
thermodynamic frame is desired that would permit

(1) This paper is based on w ork performed for the U nited States 
A tom ic E n ergy Comm ission at the O ak Ridge N ational L aboratory 
operated b y  Union Carbide Corporation.

(2) E . G lueckauf, H. A . C . M c K a y  and A . R . M athieson, Trans. 
Faraday S oc., 4 7 , 437 (1951).

(3) T . V . H ealy and H. A . C . M c K a y , ibid ., 5 2 , 633 (1956).
(4) R . W . G urney, ‘ ‘Ionic Processes in Solution,”  M cG raw -H ill 

Book C o ., Inc., N ew  Y o rk , N . Y . ,  1953.
(5) C . E . Higgins, W. H. Baldw in and B. A. Soldano, T his Jour­

nal, 6 3 , 113 (1959).
(6) P . D eb ye and J. M cA u lay, P h ysik  Z ., 2 6 , 22 (1925).

the systematization of TBP-electrolyte behavior 
not only for those salts that are normally poorly ex­
tracted by TBP but also those that readily enter 
TBP.

Experimental
Chemicals.— Tributyl phosphate was purified by washing 

with sodium hydroxide solution and then with distilled 
water. The dissolved water was removed in the first frac­
tion when the tributyl phosphate was distilled. The anhy­
drous fraction (b.p. 118° at 2-3 mm. pressure; n25n 1.4220) 
was used for the subsequent experiments. Reagent grade 
chemicals were employed to prepare stock solutions in dis­
tilled water. The hydrobromic and hydriodic acid solutions 
rvere prepared from the constant boiling mixtures distilled 
immediately before use, thus eliminating free halogen con­
tamination.

Equilibration.— Approximately 3-g. portions of purified, 
anhydrous tributyl phosphate (without diluent, weighed on 
an analytical balance) were added to 10-ml. aliquots (volu­
metric pipet) of standardized aqueous electrolyte solutions 
of varying concentration. Glass stoppered centrifuge cones 
of 15-ml. capacity were used for most of these tests. Close 
fitting stoppers were employed without grease. The cones 
containing the two phases were tumbled end over end 20 
times per minute in a water-bath (held at 25 ±  0.2°) for 
times varying from 0.5 to 24 hours.

Phase Separation.— After equilibration the tubes were 
held upright in the same batli for two hours to allow the 
phases to separate. The lower, aqueous, phase was removed 
with a very fine capillary pipet controlled with a syringe in 
order to make a very sharp boundary separation between the 
organic and aqueous layers. The remaining organic phase, 
a solution of tributyl phosphate, water and electrolyte, was 
then reweighed in the tube.

Analysis.— All analyses were performed in duplicate or 
triplicate. Gravimetric samples (0.3 to 1.5 g.) of the organic 
solutions were obtained by the use of weight pipets. Volu­
metric aliquots were taken of the aqueous phases.

Water in the organic phase was determined with the Karl 
Fischer reagent using the null point method to detect the 
end-point. The reagent was standardized against a syn­
thetic solution of water in methanol. This was prepared by 
adding a known quantity of water to methanol which had 
been dehydrated by reaction with magnesium turnings 
and distilled. In addition, the Karl Fischer reagent was 
standardized against tributyl phosphate that had been 
equilibrated with excess water at 25°. Two standards 
were used to ensure reliability of the results obtained 
with the Karl Fischer technique. A standard aqueous meth­
anol solution constitutes the usual procedure. The second
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standardization serves both as a check upon the first standard 
and the feasibility of the method in the presence of tributyl 
phosphate. The check procedure is based upon the well 
known behavior of tributyl phosphate to dissolve exactly one 
mole of water per mole of tributyl phosphate under the above 
described conditions.

Electrolyte concentration in each phase was determined 
by titration. The organic samples were added to ~  200 ml. 
of distilled water and shaken vigorously or stirred vigorously 
with a magnetic stirrer during the analysis. Acids were 
titrated to the phenolphthalein end-point with standardized, 
carbonate-free sodium hydroxide. The halide salts were de­
termined by titration to the sharp inflection using standard­
ized silver nitrate and a Fisher Titrimeter equipped with calo­
mel and silver electrodes. In all cases the material balances 
for total electrolyte in both aqueous and organic phases 
after equilibration checked within 0.5% of the amount 
originally introduced in the pipetted 10 ml. of stock solution.

Experimental Results
The largest distribution coefficients are shown by 

nitric acid (Fig. 1) with the hydrogen halides being 
extracted next most effectively. The order among 
the hydrogen halides was HI >  HBr >  HC1, with 
the larger anion being extracted better. It is evi­
dent that the concentration of acid in tributyl phos­
phate approaches 1:1 in all cases with a suggestion 
in the case of H N 03 that at higher concentrations 
the ratio of acid to solvent exceeds 1:1.

The order of extractability among the halides is 
maintained among the lithium salts (i.e., Lil >  Li- 
Br >  LiCl).

The effect of the cation (where the anion re­
mained the same) followed the order H X  >  LiX >  
NaX >  K X  >  CsX.

Water (Fig. 2) plays an important role in the dis­
tribution of electrolytes into tributyl phosphate. 
Nitric acid, on going into the solvent, displaced wa­
ter so that the concentration of water in tributyl 
phosphate was decreased in comparison to the 
equilibrium conditions in the absence of electro­
lytes. In contrast, however, the halogen acids 
carried water along into the tributyl phosphate so 
that approximately 4H20  were present per HX. 
At the higher concentrations it appears that water 
was being forced from the tributyl phosphate again. 
The effect of cation on the amount of water carried 
into tributyl phosphate can be summarized in the 
order H >  Li >  Na >  K.

Judging from the distribution of water into the 
tributyl phosphate along with the electrolyte, two 
mechanisms are evident. The first system is that 
one in which the electrolytes are extracted along 
with water. Superimposed upon this fact, how­
ever, is the effect of the anion. Among the cations 
that are represented by the alkali metals the smaller 
ones are the most highly hydrated and are extracted 
better.7

The second extraction mechanism is represented 
by nitric acid. Here, the extraction coefficients 
were the highest among the electrolytes tested but 
water does not accompany the nitric acid into the 
tributyl phosphate. Compound formation is essen­
tial for the extraction of nitric acid. In addition to 
a higher extraction coefficient and the exclusion of 
water, the nitric acid enters tributyl phosphate in a 
mole ratio slightly greater than 1:1.

Discussion
The physical-chemical behavior of solvent ex-

(7) R . Spence, P roc. R oy. Soc. {London ), 2 4 3 , 1 (1957).

Fig. 1.— Distribution of electrolytes in TBP as a function of 
electrolyte concentration in the aqueous phase.

M O L E S  E L E C T R O L Y T E  P E R  kg T B P  IN  O R G A N IC  P H A S E .

Fig. 2.-—Relative hydration of the electrolytes in the organic 
phase.

tractants of the TBP type can in the first approxi­
mation be characterized by two classes: (1) Class 
I, consisting in the main of mineral salts of the halo­
gen acids (i.e., NaCl) that are usually excluded in 
any practical extraction process. The behavior of 
this class will be strongly affected by hydration 
phenomenon. (2) Class II, consisting of salts 
characterized by a high affinity for TBP based upon 
a specific TBP-salt complex formation, for exam­
ple: nitric acid.

In any two-phase distribution of salts involving 
an aqueous and organic phase three basic problems 
become apparent. (1) What operational mathe­
matical formalism shall be employed to codify the 
data? (2) How shall the “ hydration” of the salts 
be treated? (3) How shall the thermodynamic be­
havior of the hydrated salt in the organic phase be 
handled?

The first problem one faces is that involving a 
decision on the type of empirical equation most suit­
able for handling the activities of the mineral salts 
in the organic phase, since at equilibrium the chem­
ical potential of the salt in both the organic and 
aqueous phases must be equal. Preliminary at­
tempts to apply the Flory-Huggins8 equation to the 
hydrated salt-organic solvent systems indicated 
that not only was the entropy term of negligible im­
portance but that the use of volume fractions ap­
peared to offer no significant gain in representation. 
At the same time, the added calculation complexi-

(8) J. H . H ildebrand and R . L . Scott, “ T h e S o lu b ility  of Nonelec­
tro lytes,“  3d ed., Reinhold P ubl. C o rp ., N ew  Y o rk , N . Y .,  1950.
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ties soon suggested that the usual equilibrium ap­
proach was most suitable and had the added ad­
vantage of simplicity. No uniqueness is implied 
but a formulation was required that reflected the 
behavior patterns with a limited number of result­
ant constants. Thus we a ■priori assumed, as have 
others,2-9 that the following equilibrium could be 
postulated

_  [Electrolyte] [«„]'* 
[Electrolyte-organic ]

where
[Electrolyte] =  activity of the electrolyte in water

[aw ] =  activity of water in the aqueous phase 
n =  primarj' hydration no. of the cation using 

exptl. values for n
[Electrolyte- =  activity of the hydrated electrolyte in the 

organic] organic solvent
This equation can then be transposed into

2 log (my"*) +  n log aw =  log K  +  log m, +  am. (2) 
where

m =  molality of the electrolyte in the aqueous phase 
7 *  =  mean ionic activity coefficient of the aqueous 

electrolyte
log K  =  proportional to the standard state change in free 

energy associated with the hydrated salt’s 
changing environment from aqueous electro­
lyte to electrolyte in the organic solvent 

m. — molality of salt in the anhydrous organic solvent 
a =  empirical constant characteristic of each system 
S =  2 log (my*) +  n  log a „  — log m■

In the last term of equation 2, ams, we have as­
sumed that the logarithm of the activity coefficient 
of the salt in the organic phase can be approximated 
by a simple linear term in molality. No attempt 
has been made to refine the term any further since 
the a term in organics includes the same co-volume

Fig. 3.— The applicability of equation 2 to the representa­
tion of the distribution coefficients between TBP and water. 
The term i  is the expression 2 log (m y*) +  n log <iw — log m„ 
in equation 2.

effects, ion pair formation and électrostriction 
contributions that go to make up the extremely 
complex linear B term employed for activity coef­
ficients in concentrated aqueous solutions.

(9) N. Bjerrum and E. Larrson, Z. physik. Chem., A127, 358 (1927).

Our procedure, therefore, was to show that equa­
tion 2 with the empirical log K  and the a term could 
reasonably represent the distribution of salts from 
water to TBP over an extended concentration 
range, provided experimentally measured hydra­
tion numbers were employed in equation 2. Ac­
tivity coefficients were obtained from the works of 
Harned and Owen,10a Robinson and Stokes10b and 
supplemental data for HBr from Bierman and 
Yamasaki.10c

Primary Hydration.—The exponential depend­
ence of equation 2 on the hydration number n 
requires that in the present method of representa­
tion we consider the problem of “ hydration,”  
since for Class I especially it is usually a hydrated 
salt that is transferred into the TBP phase.

The method employed in our treatment was that 
of comparing the molality of salt in TBP against the 
total amount of water as determined by the Karl 
Fischer method. In most cases for Class I type, 
the water content proved to be an almost linear 
function of the salt concentrations (Fig. 2) except 
at the highest molalities. As to the specific hy­
dration numbers for the salts, the dual class trend 
persisted.

For Class II (i.e., H N 03), the introduction of 
H N 03 into the organic phase results in an ever 
increasing removal of water. As the salt concentra­
tion in TBP is increased the value of n drops con­
tinuously from an initial value of 1 to 0. This indi­
cates that H N 03 not only does not introduce any 
hydration water but that it replaces the one equiva­
lent of H20  initially bound by the pure TBP and 
water mixture. This behavior is consistent with 
the postulation that TBP forms a strong complex 
with nitric acid, thereby replacing the one water of 
hydration on TBP. It should be noted that these 
two classes of behavior retain a similar pattern 
when the distribution coefficients also are consid­
ered.

Class I salts (i.e., LiCl, HC1, etc.) on the other 
hand retain primary hydration numbers consistent 
with those proposed by Bockris,11 Glueckauf,12 and 
Bell13 to account for strong short range ion hydra­
tion effects in aqueous solution alone (Table II).

As for the actual hydration numbers obtained in 
this study one notes (Table II, col. 6) that the val­
ues vary from n =  5 to n =  0. Interestingly, the 
values of n for the three halogen acids show no sig­
nificant deviation from values of n =  3 to 4, whereas 
the values for the lithium salts vary widely with 
anion type.

No pretense is made in our treatment that our n 
represents an intrinsic property of salt-water inter­
actions but it is of some interest to compare our 
values of n with those obtained by Bockris and 
Glueckauf (Table II). In a comparative study of 
different methods of determining the very strong

(10) (a) H. S. H arned and B. B . Owen, “ T h e  Physical C hem istry
of E lectrolytic Solutions,”  R einhold P ubl. C o rp ., N ew  Y ork, N . Y .,  
1943. (b) R . A . Robinson and R . H. Stokes, “ E lectro lyte  Solutions,”
A cadem ic Press, N ew  Y o rk , N . Y . p 1955. (c) W . J. Bierm ann and
R . S. Y am asaki, J . A m . C h em . S o c . ,  7 7 , 241 (1955).

(11) J. O ’M . Bockris, Q u art. R ev . C h em . S o c . L o n d o n , 3, 173 (1949).
(12) E . G lueckauf and G . P. K it t , P r o c .  R o y . S o c . (L o n d o n ),  A 2 2 8 , 

322 (1955).
(13) R . P . B e ll ,  E n d ea v o u r , 1 7 , 31 (1958).
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T a b l e  I
C o m p a r a t i v e  S a l t  B e h a v i o r  i n  T r i b u t y l  P h o s p h a t e  a s

R e p r e s e n t e d  b y  E q u a t i o n  2
Salt log K a

HI -0 .8 5 1.10
h n o 3 -0 .7 8 0.57
HBr 0.50 1.00
Lil 0.54 0.78
HC1 1.15 0.24
Nal 1.32 1.00
KI 1.64 0.0
LiBr 1.98 .42
LiCl 2.95 .0
CsCl 3.64 .0

T a b l e  II
N u m b e r s

/------ M  eth od-------- v
E xtrap d. 
hydra­

tion no. 
of T B P , 

T B P  moles 
Elec- extrac- f^ O /k g. 

tro lyte  tion<* TBP«5

Nal 4.9 3.4
KI 3.7 2.8
HI 3 .9  4.1
HBr 3.6 4.6
HC1 3.1 4.1
Lil 3.6 3.9
LiBr 2.5 3.1
LiCl 1.6 1.6
CsCl 0

“ Ref. 11. Mean of mobility, entropy, compressibility and 
density determinations of n. b Ref. 12. * Ref. 13. d Slope 
of lines plotted in Fig. 2. * Intercept of water axis (Fig. 2) 
at zero electrolyte concentration.

interactions of cations and water, Bockris essen­
tially averaged the results from mobility, entropy, 
density and compressibility methods as represent­
ing the best indicators of very strong salt-water in­
teractions. There exists a rough first-order agree­
ment in our experimental values of n and those pos­
tulated by Bockris (Table II) as indicating strong 
primary hydration.

It is apparent that our Class I salts relative to 
TBP involve the strong primary hydration inter­
actions but any “ true”  hydration number is a func­
tion of the system studied. In any event, only ex­
perimentally measured values of n were employed 
in our thermodynamic treatment of the organo- 
aqueous-salt distribution problem.

One other point should be considered, specifically 
the limiting water content at zero salt concentra­
tion in TBP. This limiting intercept of a salt 
concentration vs. H20  plot, whose slope is the value 
of n (Fig. 2, Table II), varied in magnitude from 3 
to 4.6 moles of H20  per 1,000 g. of pure TBP (Table 
II). This figure approximates the value of 3.76 
equivalents of H20  per 1,000 g. of pure TBP.

The moisture behavior of these Class I salts ap­
pears to preclude the formation of any strong TB P- 
salt interaction of the nitrate type and suggests that 
the organic phase, TBP, is behaving as a rather ef­
ficient organic reagent useful in the study of aque­
ous salt behavior. In a later section we shall ex­
plore this possibility.

Standard Free Energy Change for Salt Distribu­
tion in TBP.—The affinity of TBP for salts remains 
consistent with the hydration behavior of Classes 
I and II. Nitric acid (Class II) retains the highest 
affinity of the salts studied for TBP. This is con­
sistent with a process wherein a water molecule is 
removed from the TBP and a strong TBP-nitric 
acid complex is formed.

As for the Class I salts, these are normally con­
sidered to be excluded in any practical TBP extrac­
tion process. One notes that those systems which 
are most strongly hydrated (i.e., HC1 as compared 
to CsCl), Table II, retain the highest affinity in 
Class I for TBP. This suggests, therefore, that the 
mode of pickup in this class might be related to the 
hydration number of the salt, and a consideration 
of the standard state free energy change required to 
move hydrated salts from water into the monohy- 
drated TBP might lead to information on the na­
ture of the binding force.

The empirical equation 2 has led to interpreta­
tive results at least consistent with the “ hydration” 
concept characteristic of aqueous salt solutions 
alone. It is of interest therefore to consider the 
nature of the log K  term in equation 2. Our aim is 
to determine the usefulness of such a term in the 
interpretation of the behavior of the previously dis­
cussed Classes I and II.

This term, or more properly its free energy coun­
terpart

AF° =  R T  In No (3)

represents the standard free energy change that 
arises from removing a hydrated salt from an 
aqueous salt solution anc placing it into the mono- 
hydrated TBP organic solvent. Similar two-phase 
equilibria have been divided by Bjerrum9 into two 
steps: one involving the change in the electrical free 
energy of the hydrated salt due to changes in the 
dielectric constant, and a second which involves any 
specific unhydrated salt-organic interaction.

Since the hydration concept is essentially a de­
vice to circumvent the highly difficult problem of 
accounting for very short range ion-water electrical 
interactions, thereby avoiding any discussion of a 
so-called microscopic dielectric constant, we shall 
seek to determine the feasibility of applying our two 
class concept to AF° as a substitute for the more 
rigorous Bjerrum interpretation. Converting the 
values of log K, Table I, into values of AF one ob­
tains values ranging from about 5,000 cal. for CsCl 
to negative values, especially in Class II (i.e., 
H N 03). Our goal of dividing AF into a hydration 
phenomenon and one involving specific interactions 
would be furthered if it could be shown that log K  
had a connection with the salting out coefficients 
measured in the previous study,5 since we were able 
to show in that case a connection between ka and 
the Gurney unitary entropy concept as applied to 
strong ion hydration effects in aqueous salt solu­
tions alone.

There is indeed, Fig. 4, a suggestion that log K  
and ks involve the same type of interactions. It 
should be emphasized that the ka values are obtained 
in a system that is essentially all salt and water and 
a negligible amount of TBP. On the other hand,

P r i m a r y  H y d r a t i o k

-M ethod—

Ion
M o ­

bilities,
e tc .°

Iso-
piestic&

C om ­
pressi­

bilities*

H + 3.9
Li + 4 3.3 4
Na + 3 1.5 5
K + 2 0.6 5
Rb + 1 0
F - 3 4
c i - 2 2
B r- 1
I - 0.7 1
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the log K  term arises under conditions wherein the 
system is almost entirely the monohydrated TBP 
and varying amounts of hydrated salts.

One notes that all the bromide and chloride sys­
tems fall on the same general line (Fig. 4) whereas 
the specific systems suspected of strong interaction 
(i.e., iodides and nitrates) fall on lines of increas­
ingly steeper slopes. If one divides the standard 
free energy change into two parts, one can interpret 
the bromide-chloride systems as representing a gen­
eral limiting case wherein the monohydrated or­
ganic-salt interaction is the same for all salts (not 
very likely), or that the limiting slope solely rep­
resents a hydration-hydrogen bond formation situa­
tion. Deviations from this limiting case then 
could be considered as a measure of the specific salt- 
organic compound interaction. In the absence of 
any specific organic-salt interaction, therefore (as 
exemplified by H N 03), the TBP system might 
serve as a useful probe in studying the ion hydra­
tion problem. This point is reinforced (Fig. 5) by 
the linear relationship of the unitary entropy 
changes (as used in the previous paper5) for salt in 
water alone as compared with the log K  term. These 
results can be represented by the equation

log K = 3.3 -  0.18 ASw (4)
or

AF =  4500 cal./mole — T(0.SASw) (5)
Since AF =  AH — TAS, this value of 4500 might 
presumably be identified with AH. Over 80% 
of the unitary entropy behavior of aqueous salt be­
havior in water alone appears to be retained in any 
hydrated salt linkage with TBP. Pauling14 has 
calculated the heat required for a single hydrogen 
bond formation in water at about 4500 cal. This is 
suggestive that Class I interactions might involve 
the process of making or breaking a hydrogen bond 
between the hydrated salt and the monohydrated 
TBP. In the case of the mineral acids, the exist­
ence of approximately complete hydration of the 
H+ ion precludes the necessity of additional work 
in the formation of a bond with the TBP. On the 
other hand, CsCl’s relative freedom from any hy­
dration therefore leads to energy requirements ap­
proaching 5 kcal.

T a b l e  III
C o m p a r a t i v e  B e h a v i o r  o f  N i t r i c  A c i d  a s  D e t e r m i n e d  

b y  D i l u e n t  a n d  S t r u c t u r e  o f  S o l v e n t

O r g a n i c  p h a se L o g  K a
TBP (undiluted) -0 .7 8 0 . 5 7

TBP (0.2 M  in n-hexane) -  . 0 3 . 3 0

Dibutyl butylphosphonate“ -  . 5 5 . 2 9
(0.2 M  in n-hexane) 

Dibutyl phenylphosphonate“ -  . 1 9 . 3 0
(0.2 M  in n-hexane)

“ W. H. Baldwin and J. E. Savolainen, unpublished data.

Turning to the more general problem of the af­
finity of salts for TBP, Fig. 4 shows a natural divi­
sion between the limiting Class I wherein ion hy­
dration effects are paramount and Class II wherein 
specific interactions or compound-formation domi­
nate and hydration phenomena assume a far smaller

(14) Linus Pauling, “ T h e N ature of the Chem ical B on d ,”  Cornell 
U n iv. Press, Ith aca. N . Y . ,  1944, p . 304.

Fig. 4.—Relationship of the standard free energy change 
(actually RT In K0) in the TBP phase to the salting coeffi­
cients, k, for highly dilute solutions of TBP in water.

U N IT A R Y  P A R T IA L  M O L A L  E N T R O P Y ,  e .u .

Fig. 5.—Relationship of log K  to the Gurney unitary partial 
molal entropies4 for the electrolytes.

role. This difference in behavior, as previously 
pointed out, also was reflected in the water desorp­
tion behavior of the HNO3.

Since any practical separation involves an or­
ganic diluent, it is of some interest to consider its 
effect on selectivity. As expected, the values of log 
K  are more negative (better affinity) in the class of 
no diluent (Table I) as compared to those using a 
0.2 M  solution of TBP in hexane (Table III). Sig­
nificantly, the work of Baldwin and Savolainen,15 
a study involving equivalent concentrations of ana­
logs of TBP in a diluent (hexane), not only shows the 
same values for a independent of structure, but 
serve to emphasize that structural changes in the 
extractant reflect their effects on selectivities in the 
change of the standard free energy term.

Finally, this constancy in the empirical a term 
with diluent and its change in the case of no diluent 
highlight the importance of the diluent and its con­
centration in effecting sharp separations by the 
solvent extraction technique.

We conclude this discussion by suggesting that 
Class I, Fig. 4, represents a limiting case of hy­
drated salt-monohydrated TBP interaction, and 
that the characteristics of these systems are pri­
marily determined by aqueous solution, ion hydra­
tion effects.

On the other hand, deviations from this line
(15) W . H. Baldw in and J. E . Savolainen, unpublished data.
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should prove useful in characterizing the magni- teraction that is present in any actual, practical 
tude of the specific organic-non-hydrated salt in- separations process.

NOTES
THE EFFECT OF TEMPERATURE ON THE 

PHASE EQUILIBRIUM OF 
POLYPHOSPHATES

B y  W . J. D i a m o n d 1

Research Laboratories, W hirlpool Corporation, St. Joseph , M ichigan  
Received June IS, 1958

Quimby2 reported the phase equilibrium dia­
gram for the Na6P3Oio-Ca++ system in aqueous 
solution at 60° as determined by J. A. Gray and
K. A. Lemmerman. Previously, Topley3 had de­
termined the dissociation constant of the sol­
uble calcium triphosphate complex at 25°. The 
excellent agreement between these values suggested 
negligible temperature effect on stability of the 
complex.

Examination of the Quimby curve suggested 
that the two phase regions should be more properly 
labeled suspension and chelate solution. When so 
designated, it was predicted that washing phenom­
ena such as soil removal, redeposition, and rins- 
ability would be influenced by the phase regions. 
Before investigating this proposition, it was neces­
sary to determine the phase boundaries of the 
common sodium polyphosphates at the tempera­
tures encountered in laundering.

Tripolyphosphate and tetrapyrophosphate were 
selected because of their use in most detergents. 
Hexametaphosphate was investigated because of 
its common use as a water softening agent in 
laundering even though it is not an ingredient of 
any common packaged detergent.

Temperatures of 20, 40 and 57° were selected 
to cover the range of most laundry processes. 
Polyphosphate concentrations were limited to 4 
mmoles/1. which is the normal upper limit for 
home laundering.

Experimental
Fresh polyphosphate solutions were prepared daily using 

distilled water. The tripolyphosphate and hexameta­
phosphate were secured from Westvaeo Mineral Products 
Division of Food Machinery and Chemical Company. 
The former analyzed 96.24% NasPsOio.4 The latter had an 
average chain length of 14 and was 99% polymerized. 
Fisher C.p . tetrasodium pyrophosphate N A iPA lO ibO  
was considered as 100% pure in all calculations. Fisher
U.S.P. CaCl2-2H20  was used for preparation of 0.01 M  
stock solution.

Two hundred ml. of test solution was required for each 
experiment. The required quantity of polyphosphate 
solution was measured into a beaker and warmed to the

(1) The B ru n sw ic k  B a lk e  Collender Corporation, M uskegon 82 
M ichigan.

(2 )  O .  T .  Q u i m b y ,  T h i s  J o u r n a l , 5 8 , 6 0 3  ( 1 9 5 4 ) .
(3) B. T opley, Q uant. R evs., 3, 354 (1949).
(4) L . E . N etherton, A . R . W reath and D . N . B ernhart, A n a l. Chem., 

27, 860 (1955).

test temperature in a constant temperature bath. In a 
second beaker, calcium chloride solution and distilled water 
were heated. When both solutions were at temperature, 
the tripolyphosphate was added to the calcium chloride 
solution and mixed for one minute. Turbidity readings 
were made at several intervals during a period of 15 minutes 
with a Fisher Nefluorophotometer. Between readings, 
the mixture was kept in the constant temperature bath.

Discussion
Gray and Lemmerman’s results for tripoly­

phosphate at 60° are generally confirmed by these 
experiments. The relatively minor discrepancies 
at low tripolyphosphate concentration can be at­
tributed to the slightly different temperatures 
(57° was the limit of the constant temperature 
bath used in these experiments) and the time limit 
of 15 minutes for these experiments in contrast to 
their equilibrium time. The divergence between 
the two curves appears to increase at higher 
tripolyphosphate concentrations. Further, these 
experiments failed to detect any deviation from 
linearity as reported by Quimby. In Fig. 1, the

Fig. 1.—Phase boundaries for sodium polyphosphate-Ca++
systems.

phase boundary for the tripolyphosphate-cal­
cium reaction can be expressed by similar equa­
tions

lCa++] =  [Na*P,Oi<J +  0.15 at 57° (1)
[Ca + +] =  [NasPjOjo] +  0.30 at 40° (2)
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[Ca + +] =  [NasPAol +  0.45 at 20° (3)
Since most of the non-linear portion of this curve 
is beyond the practical range of tripolyphosphate 
in detergents, no attempt was made to explain the 
differences. The phase boundary is only slightly 
affected by temperature over the range 20 to 57°.

The tetrasodium pyrophosphate phase boundary 
is definitely temperature sensitive as shown in 
Fig. 1. Furthermore, these curves show a definite 
tendency to curve down as the tetrasodium pyro­
phosphate is increased. On a molar basis, the 
tripolyphosphate is approximately twice as ef­
fective as tetrasodium pyrophosphate for chelating 
Ca++ at 57° and at either 1 or 4 mmoles/1. of 
polyphosphate. However, at intermediate con­
centrations, the ratio decreases to as low as 1.66. 
At 20° and all concentrations, the tripolyphosphate 
is 1.50 to 1.60 times as effective as the tetrasodium 
pyrophosphate.

The temperature effect for hexametaphosphate 
(Fig. 1) was so great that accurate determination 
of the phase boundary by nefluorometry readings in 
an instrument without temperature control was 
difficult. The magnitude of the error in these 
readings is therefore probably greater than in the 
tripoly or pyrophosphate measurements.

Conclusions
Temperature has little effect on the phase 

boundary of the Ca-tripolyphosphate system in 
aqueous solution. The influence of temperature 
on both the sodium pyrophosphate-Ca ion system 
and the sodium hexametaphosphate-Ca ion system 
is substantial. As temperature is increased, lower 
concentrations of Ca++ are required to form a 
suspension with a given quantity of the poly­
phosphates. For the experimental conditions re­
ported herein, the phase boundary is a linear func­
tion of Ca++ with both tripolyphosphate and 
hexametaphosphate. The Ca++-tetrasodium py­
rophosphate phase boundary is not a linear re­
lationship.

Quantitatively, the superior chelation capabili­
ties of tripolyphosphate to pyrophosphate vary 
on a molar basis from 2:1 at 57° and 5 mmoles/'l. 
of polyphosphate to 1.5:1 at 20° and 0.8 mmole/1. 
of polyphosphate. On a molar basis, the Westvaco 
hexametaphosphate is more effective than tri­
polyphosphate for chelating Ca++ at all tempera­
tures. The effectiveness is not influenced by con­
centration.

THE RELATIVE ACIDITY OF H20 18 AND 
H20 16 COORDINATED TO A TRIPOSITIVE 

ION
B y  H. R. H u n t  a n d  H. T a u b e

Contribution from  the George Herbert Jones Laboratory o f  the U niversity  
o f  Chicago, Chicago, III.

Received August 1, 1958

The interpretation1 of experiments on the frac­
tionation of the isotopes of oxygen in (NH3)5- 
CoOH2+++ when this ion reacts with Cr++ re­
quired the measurement of the relative acidities

(1) R. K. Murmann, H. Taube and F. A. Posey, J. Am. Chem. Soc
79, 2G2 (1957).

of (NII3')6Co0 16H2+++ and (NH3)5CoO,8H2+++. 
The ratio of the dissociation constants in question 
can be determined by measuring the equilibrium 
constants for reactions 1 and 2 (R represents Co- 
(NH,),)
R 0 16H2 + + j‘ +  HA)18! = R 0 18H2+++ +  ITO'S, K, (1) 
R 0 16H ++ +  II20 18, = R 0 18H ++ +  H20 16i K2 (2)
It can be seen that the ratio

K\ (R 0 18H2+++)(R 018H ++) _  K
Ah (RO‘«H2+++)(RO“ H ++) Ah16

where 7ta represents the quotients 
(ROH++)(H+)

(ROH2+++)
for the particular isotopic forms of oxygen in ques­
tion. Kj is fairly accurately2 3 known (and has been 
redetermined in the course of present work), so 
that the measurement of K 2 was the principal 
goal of the present investigation. The tempera­
ture coefficient of K\ also was determined.

Experimental
A difficulty in the determination of A 2 arises from the 

circumstance that whereas the exchange equilibrium is 
established loss rapidly as a greater proportion of the aquo 
salt is converted to the hydroxo, decomposition reactions 
become more rapid. Early efforts to measure K2 by allowing 
sufficient time for exchange equilibrium to be established 
gave irreproducible and unreasonable results. The method 
we adopted for the present series of experiments involved 
fixing the initial values of Nr/Nw (these symbols refer to 
the mole fraction of O18 in the cation and in solvent, respec­
tively) to cover a range wide enough to bracket the equi­
librium value. The initial direction of the change of the 
ratio for each solution was determined and it was assumed 
that these point to the equilibrium values. A method 
such as this will work if the initial rate of change in the ratio 
N r/Nw caused by approach to exchange equilibrium is 
greater than that caused by fractionation effects accompany­
ing net reaction. The principal net change appears to be 
the production of cobaltic oxide, and this reaction appears 
furthermore to be autocatalytic. No significant change in 
the absorption spectrum of the solutions used for the experi­
ments summarized in Table II occurs in 36 hours; the half­
time for the exchange reaction under the conditions of the 
experiments is 46 hours. It is felt, therefore, that the 
results obtained, within the limits of accuracy of the work, 
are a dependable measure of the value of A 2.

The preparation of the salts and the method of isotopic 
analysis have been described elsewhere.8 In the isotopic 
analysis of the solutions which contained a mixture of 
R O IV ++  and ROH + ++, the ROH + + + is first converted 
to ROH2 + + + by acidifying, and the oxygen-isotopic com­
position of the entire cobaltic salt in solution is determined.

Results
Table I contains a, report of the results on a 

determination of the equilibrium constant K i ¡it
25.2 and 44.7°.

T a b l e  I
E q u i l i b r i u m  C o n s t a n t  f o r  W a t e r  E x c h a n g e  o f  t h e

A q u o I o n

Solvent (25.2°) (44 .7°)

2.1245 2.1663 2.1604
2.1244 2.1661 2.1617
2.1242 2.1652 2.1609

2.1244 2.1659 2.1610
K, at 25.2° = 1.0196 

at 44.7° = 1.0173
(2) A . C . R utenberg and H. T aube, J . Chem. P h ys., 20, 825 (1952).
(3) II. R . H unt and H . Taube, J . A m . Chem. Soc., 80, 2642 (1958).
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An earlier and less careful set of experiments 
yielded for Ki at 25.0° the values 1.0194 and 1.0207. 
The value 1.019 at 27° has been reported in the 
literature.2

Two series of experiments were performed to 
determine K 2. For each set, enough base was added 
to change 30% of the total complex to the hydroxo 
form. The initial concentration of the salt RH20 - 
(C104)3 was approximately 0.025 M.

Table II presents the results of the most recent 
and most complete set of experiments on the 
measurements of iv2. Four separate experiments 
constitute the set; for each experiment the ratio 
of the mole fraction of O18 in the total water co­
ordinated to the ion (N r )  compared to that for the 
solvent water (Nw) is recorded at three different 
times, beginning with the ratio which was initially 
fixed by adjusting the isotopic composition of the 
water relative to the salt. The initial value of 
N r and the values of Nw as recorded are the 
averages of two independent determinations. The 
average deviations from the mean for these de­
terminations was found to be 1 part in 3000, with 
the deviation for the salt being slightly greater than 
for the bulk water. In an earlier set of experi­
ments the sampling was dene after exchange pro­
ceeded for 23.9 hr. These experiments are not 
reported in detail, but the results are referred to in 
the Discussion.

T a b l e  I I
E xperim ents  on the  D eterm ination  of K ,  ( at  25°; 

2 R ( I I I )  =  0.025M ;  30%  of A quo I o n  C onverted  to 
R O H + + )

Tim e,
I

Tim e,
II

Tim e,
II I

Tim e,
IV

hr. N r / N „ hr. ATR/iV w hr. N * / N w hr. n r/n w

0 1.0 18 2 0 1.0 132 0 1.0074 0 1 .0029
1 5 .1 1.0 18 5 15 .0 1.0149 14.9 1.0097 14.2 1.0061
36.2 1 .0 17 2 3 6 .2 1.0140 36 .2 0.0101 36.3 1.0079

Discussion
In principle it should be possible to treat the 

data of Table II using the known value of 
ti/, for the exchange and calculating for each value 
of N r / N w  after time zero the corresponding value 
of this ratio at infinite time. When this is done, the 
set of values obtained for an exchange time of 15 
hours give for N r / N w  at infinite time a set which 
group about an average of 1.209; those at 36 hr. 
give for the same ratio an average of 1.0150. 
The difference between the two averages seems too 
great to be accounted for by random error (the 
average deviation for the 1st set is 0.0012 and for 
the second is 0.006), but the cause of the difference 
is not known with certainty. It is possible that net 
changes do occur which are accompanied by isd- 
topic fractionation effects, even though the spectra 
did not change significantly. In any event, it 
seems safer to use the data in the less sophisticated 
way: simply examining the initial directions and 
magnitudes of the changes for the ratios N r/N w- 

For experiments II, III and IV of Table II, 
N r / N w  certainly increases with time, for experi­
ment I it remains constant or decreases slightly.

On this basis, N r / N w  for the equilibrium mixture 
can be set between 1.0132 (the initial value for 
experiment II) and 1.0183 (the initial value for 
experiment I), and considerably closer to the latter 
value than to the former. On this basis, 1.0170 
±  0.00075 for N r / N w  at equilibrium is a safe 
choice. An earlier set of experiments brackets 
N r / N w  at equilibrium between 1.0153 and 1.0194 
with 1.0165 ±  0.001 as the indicated value. 
Since for a solution which contains ROH2+++ and 
no ROH++, Arn/Nw at equilibrium is 1.0196, and 
when 30% of the Co(III) is present as ROH++, the 
equilibrium ratio is 1.0170, for a sample completely 
converted to ROH++, the equilibrium ratio is 
calculated as 1.008 ±  0.001 . This then is the value 
we report for K% (and is substantially the value used 
in the interpretation of oxygen isotope effects in 
the Cr++-ROH 2+++ system).

A value of 1.035 can be calculated for the rela­
tive acidities of H20 16 and H20 18, using the known4 
partition function ratio for H2 0 16/H 20 18, and cal­
culating the corresponding ratio for 0 16II“ / 0 l8II- . 
For this calculation, 3603 ±  4 cm.-1 was used as 
the fundamental vibration frequency for OH~ in 
solution.6 It is interesting that the difference in 
acidity is so considerably reduced from 1.035 to
1.008 ±  0.001 by the codrdination of the water to 
the metal ion. The principal reason for the change 
in relative acidity when H20  is coordinated to a 
metal ion is likely this. The force constant as­
sociated with the binding of oxygen to the metal 
ion will be considerably greater for OH~ than it is 
for H20 ; thus the oxygen isotope discrimination 
associated with the loss of a proton from H20  is 
partly compensated for by the enhanced oxygen 
isotope discrimination exerted by Co+++ when it 
acts on OH -  in place of H20.

The only point in connection with the redetermi­
nation of K\ which merits special comment con­
cerns the temperature coefficient of this equilibrium 
constant. From the data in Table I, AH  is cal­
culated as —22 cal., AF as —11.6 cal. and AS as
— 0.035 e.u. mole-1. The value of AH is in the 
expected direction. The principal source of the 
isotopic discrimination lies in the bonds formed by 
the water molecules; the force constant for this 
vibration is greater when II20  is bound to Co(III) 
than it is when H20  is bound to H20 , hence the 
sign of AH, and of AF, is as expected. For com­
parison, the values for the equilibrium are here-
1/0 A1(H20 16)8+++ +  H20,'8 = 1/6 A1(0>*H)6+++ +  H20 ,16

with recorded: AH =  —53, AF =  —14.6 and AS
— —0.13 e.u. These are calculated from Feder’s 
data6 on the effect which aluminum salts exert 
on the relative fugacities of H20 18 and H20 16 in 
solvent water.
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KINETICS OF ELECTRON TRANSFER 

BETWEEN COBALTOUS AND COBALTIC 
AMMINES
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In ammoniacal cobaltous solutions there exists 
a labile equilibrium among all possible species 
Co(NH3)n++ and Co(NH3)BOH+ in which n  ranges 
from zero through six. 1 These species exchange 
electrons only very slowly with the hexammine 
cobaltic ion , 2 presumably due to the absence of a 
low energy mechanism by which the electron can be 
transferred through the proton shell surrounding 
the cobaltic ion. If an acidopentammine cobaltic 
ion is used instead of the hexammine, the acido 
group ought to provide such a transfer mechanism 
by forming the symmetrical bridged activated 
complex3 fNH3)5Co*X C o(NHd5. Exchange has 
been reported to take place between cobaltous 
species and aquopentammine cobaltic ion in 
strongly ammoniacal solution, 4 5 and we have under­
taken a detailed study of the reaction.

Experimental
A q u o p e n ta m m in e  c o b a ltic  p erch lo ra te  w a s p repa red  as  

describ ed  elsew here 6 a n d  a  C o ^ f l l )  so lu tio n  o f  h ig h  specific  
a c tiv ity  w a s o b ta in e d  fr o m  th e  H e a lth  P h y sic s  g rou p  o f th e  
U n iv e r s ity  o f  C h ic a g o . A ll  o th er ch em ica ls  w ere c o m ­
m ercial p ro d u c ts  o f  re a g e n t g r a d e .

T o  p r e v e n t air o x id a tio n  o f  th e  c o b a lto u s  a m m in e s , m o st  
re a ctio n s w ere carried  o u t  in  ru b b e r -c a p p e d  se ru m  b o ttle s  
u n d e r a  s ta tic  n itro g e n  a tm o sp h e r e . S a m p le s  fo r  ra d io ­
a n a ly sis  w ere w ith d ra w n  b y  a  h y p o d e rm ic  syrin g e  an d  
n eed le  a n d  w ere d eliv ered  in to  a  n e a r ly  sa tu ra te d  solu tio n  
o f  m ercu ric  ch loride in  co n c e n tra te d  h y d ro ch lo ric  a c id  cooled  
to  its  freezin g  p o in t . T h is  qu en ch ed  th e  ex ch a n g e  a n d  pre­
c ip ita te d  th e  c o b a lt ( I I I )  as C o ( N H 3 )6H 2O H g C l 5 . 6 T h e  
p re cip ita te  w a s filtered , w a sh ed  w ith  a lco h o l a n d  e th e r , a ir -  
d rie d , m o u n te d  o n  an  a lu m in u m  card  an d  c o u n ted  in  an  e n d -  
w in d o w , m e th a n e -flo w  /3 -proportion a l c o u n ter . C o rrec ­
tion s w ere m a d e  for v a ria tio n s  in  se lf-a b so rp tio n  a m o n g  th e  
sa m p le s . In  a  fe w  p re lim in a ry  ex p e rim e n ts a  d ifferen t  
pro ced u re  w a s u se d . M ix tu r e s  w ere o u tg a sse d  a n d  sealed  
u nder v a c u u m . F o r  an a ly sis  th e y  w7ere fro z e n , b ro k en  open  
a n d  a cid ified , th a w e d  a n d  sa tu ra te d  w ith  a m m o n iu m  th io ­
c y a n a te . T h e  c o b a lt ( I I )  w a s th e n  e x tr a c te d  in to  an  e th y l  
e th e r -a m y l a lco h o l m ix tu re  a s  th e  th io c y a n a te  c o m p le x , 6 

a n d  th e  rem a in in g  a q u e o u s so lu tio n  o f  c o b a lt ( I I I )  w as  
c o u n ted  in  a  g la ss -ja c k e te d , th in -w a lle d  G e ig er  c o u n ter . 
T e s ts  in d ica ted  sep a ra tio n -in d u ce d  e x ch a n g e  to  b e  n eglig ib le  
in  e ith er p ro ced u re .

In  a ll cases th e  r a d io a ctiv e  tra cer w a s  a d d e d  in  th e  co ­
b a lto u s  fo r m .

A ll  rea ctio n  m ix tu re s  w ere p ro te cte d  fr o m  exp o su re to  
lig h t  an d  w ere d iscard ed  if  a n y  p re c ip ita te  w a s  o b se rv e d .

B la n k s  w ere ru n  to  d e te rm in e  th e  e x te n t o f  o x id a tio n  b y  
residual o x y g e n  an d  th e  a p p ro p ria te  c o rrectio n s, a m o u n tin g  
to  5 - 1 0 %  o f  th e  sa m p le  a c t iv ity , w ere m a d e .

R e a c tio n s  w ere fo llo w e d  a t  le a st to  5 0 %  ex ch a n g e  in all 
b u t  th e  v e r y  slo w e st s y s te m s , in a  few7 o f  w h ic h  th e  exch an ge  
w a s o n ly  2 0 - 3 0 %  c o m p le te d  a t  th e  en d  o f  the ru n . In

(1) J. Bjerrum , "M e ta l Am m ine Form ation in Aqueous Solution,”  
P . Haase and Son, Copenhagen, D enm ark, 1941, pp. 286-295.

(2) W . B . Lewis, C . D . C oryell and J. W . Irvine, J . Chem. S oc., S386 
(1949).

(3) H. T aube and H. M yers, J . A m . Chem. S oc., 76, 2103 (1954).
(4) K . M cC allum , "B rook h aven  C onf. on Isotopic E xchange R eac­

tions and Chem ical K in etics”  (Chem . Conf. N o. 2), B N L -C -8 , (1948),
p. 128.

(5) A . C . R utenberg and H. T aube, J . Chem. P h ys., 20, 825 (1952).
(6) J. F lagg, J . A m . Chem. S oc., 63, 557 (1941).

so m e  o f  th e  fa ste st  sy ste m s th e  rea ctio n  w7as fo llo w e d  t o  9 7 %  
e x c h a n g e .

S a m p le s  fo r sp ectro a n a ly sis  w ere q u en ch ed  in h y d r o ­
ch loric  acid  a n d  th eir a b so rp tio n  sp ectra  m ea su red  b e tw e e n  
3 2 0 0 a n d  1 0 ,0 0 0 Â . ,  in  a B e c k m a n  M o d e lD U s p e c t r o p h o t o m ­
e te r .

T a b l e  I "
R a te  X

E xp t. T  otal i> F r e e C o + +« R O H  + +d l )' k  X  10
n o . N H j N H j X  10« X  10> M  /hr. hr. _1, M  “ 4

I e 0 . 2 3 0 . 1 6 3 0 . 3 1 4 2 1 . 3 2 0 . 8 7

2 f . 5 2 . 1 6 7 1 . 4 2 4 2 5 . 6 . 7 2

3 " . 3 4 . 1 6 4 . 7 5 21 1 . 3 0 . 7 0

4 * . 3 5 . 1 7 4 . 6 2 7 9 5 . 5 . 7 0

5 . 3 3 . 1 5 8 . 8 5 4 2 3 . 1 .8 8

6*' . 3 5 . 1 7 1 .6 6 4 2 3 . 0 . 7 5

7 . 6 9 . 4 7 . 0 1 5 3 4 3 10.6 . 7 1

8* . 6 9 . 4 7 . 0 1 5 3 4 2 1 0 . 5 . 7 1

9 . 1 6 7 . 0 5 2 1 6 . 5 4 1 . 6 2 2 . 4

10< . 1 6 7 . 0 5 2 1 6 . 5 4 0 . 3 7 1 . 5

11 . 0 9 2 .020 88 3 9 . 3 9 3 6

12> . 0 9 5 .020 88 3 6 .22 22
1 3 ’ . 3 3 . 1 5 0 . 4 8 4 3 . 7 5 . 4 8

1 4 * . 3 3 . 1 5 4 . 6 3 4 3 1 . 5 2 . 6 5

1 5 ' . 3 3 . 1 6 1 1 . 0 7 4 2 5 . 8 1 . 1 9

1 6 ” . 3 3 . 1 6 5 1 . 4 1 4 1 1 3 . 0 1 . 8 2

“ A ll  c o n cen tra tio n s are m o le s /l ite r  ( M ) .  T h e  b u lk  
e le c tro ly te  w a s a  m ix tu re  o f N a N 0 3 a n d  N H 4N 0 3 su ch  th a t  
th e  to ta l ionic stren g th  w a s 2 .2 8 ,  w ith  C 1 0 4_  p resen t a t  
c o n cen tra tio n s b e tw e e n  0 .1 3  a n d  0 .3 5  M . U n le ss  oth erw ise  
sp ecified , t e m p . =  3 5 .5 ° ,  X H 4 +  =  0 .9 4  M ,  to ta l  C o ( I I )  =  
0 .0 5 3 5  M ,  a n d  to ta l C o ( I I I )  =  0 .0 4 3  M .  6 T o t a l  N H ,  =  
free N H 3 +  N H 3 co m p lex ed  b y  C o ( I I ) .  c D is tr ib u tio n  o f  
C o ( I I )  species wras ca lcu la ted  fr o m  e q u ilib riu m  d a ta  o n  
C o ( I I )  a m m in e s 1 b y  n eg lectin g  fo rm a tio n  o f  h y d r o x o c o b a l-  
to u s  io n s a n d  a ssu m in g  th a t  s u b stitu tio n  o f  N a +  d id  n o t  
a lte r  th e  e q u ilib ria . T h e  m e a n  n u m b e r  o f  N H 3’ s b o n d e d  
to  a  C o + +  v a rie d  fr o m  4 .1  a t  th e  h ig h e st N H 3 c o n c e n tra ­
tio n s  t o  1 .4  a t  th e  low7e s t . d R  =  C o ( N H 3)5+ + + . C o r ­
re c tio n  h a s b een  m a d e  fo r th e  sm a ll fra c tio n  o f C o ( I I I )  re­
m a in in g  as R H 20  + + + , u sin g  th e  acid  d isso cia tio n  c o n sta n ts  o f  
N H 4 + a n d  R H 20 + + + in  th ese  m e d ia . 1 c C o ( I I )  =  0 .0 2 1 4 M .  
1 C o ( I I )  =  0 .1 0 7  M .  ° C o ( I I I )  =  0 .0 2 1 0  M .  h C o ( I I I )  =  
0 .0 8 0  M .  *' N I I 4 + =  1 . 8 3 M .  > '1 5 .6 5 ° .  * 2 5 . 0 ° .  I 4 4 .4 ° .  
"> 5 5 .2 ° .

Results and Discussion
After a week at 45°, exchange in a mixture 0.01 

M  in acid and 0.04 M  each in Co (II) and aquopen­
tammine Co(III) has. proceeded less than 0.4% 
toward completion. This agrees with the absence 
of exchange in the Co++-C o(NH3)sC1++ system. 6

In ammoniacal solutions the reaction followed the 
exponential equation for homogeneous exchange.7 
The principal results appear in Table I. In addi­
tion, compatible results were obtained in the few 
experiments in which the Co(ITI) was radioassayed 
in solution, and an experiment in an all-perchlorate 
medium indicated nitrate ion to have no great 
specific effect on the reaction.
• After exchange in a mixture similar to expt. 7 

had proceeded to 80% of completion, the ab­
sorption spectrum of an acidified sample could be 
quantitatively matched by summing the spectrum 
of a solution containing cobaltous ion with that of 
a solution containing aquopentammine cobaltic 
ion, indicating that no net reaction had taken 
place.

The values of “ k”  in the last column of the table
(7) G. Friedlander and J. Kennedy, “Nuclear and Radiochemistry,”

John Wiley and Sons, Inc., New York, N. Y., 1955, p. 316.
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were calculated from the rate law
exch an ge  ra te  =  i -(C o  +  + ) ( C o ( N H 3) 5O H  + + ) ( N H 3 ) 5 (A )

From the first five experiments we conclude that 
the reaction is first order in Co++ and in Co(NH3)6- 
OH++. Comparison of 8 with 7, and of 6 with 5, 
shows that at ammonia concentrations above 0.16 
M  the rate is independent of acidity. Comparison 
of 7 and 8 with 1-6 shows that between ammonia 
concentrations of 0.16 and 0.47 M  the reaction is 
closely fifth order in ammonia. At lower am­
monia concentrations (expts. 9-12) the reaction 
is much more rapid than is predicted by rate law
(A), and for such conditions paths of lower order 
in ammonia presumably are involved. In the 
range 0.02 to 0.05 M  ammonia, the order with 
respect to ammonia is between one and two. In 
this range an inverse dependence on acidity of 
somewhat less than first order is indicated.

A plot of In (k/T) versus l/T  for expts. 5 and 
13-16 shows a slight positive curvature at the high 
temperature end, giving a AH *  which rises from 5.1 
kcal. at the four lower temperatures to 7.5 kcal. 
between the two highest. From the lower value 
we calculate a AS* of —31.5 e.u.

Thus, although at the highest ammonia concen­
trations exchange may proceed primarily through 
the symmetrical activated complex (NH3)6Co*- 
OHCo(NH3)5+4, lowering of the ammonia con­
centration brings out activated complexes contain­
ing less than 5 ammonia molecules for each Co++- 
Symmetrical activated complexes can be formulated 
using less than five ammonia complexes for each 
Co++. However, these would require multiple 
bridging and bridging through the ammonia, and 
in the limit would still require 2 ammonia mole­
cules for each Co++. Such bridging seems very 
unlikely, and in any case the observation that the 
order of the reaction with respect to ammonia con­
centrations does fall below two is not accommodated 
by such mechanisms. An alternative suggestion 
is that unsymmetrical activated complexes play 
a role. Taking account also of the observation that 
at low ammonia the reaction rate increases with 
alkalinity, the reaction may be represented by the 
parallel reactions

1Cim'n
C o * ( N H 3) mO H „ 2_n +  C o f N H A ,O H + +  7 — >

h im’n

C o * ( N H 3)„ 1O H ,l+12~n +  C o ( N H ,) B+ + (B )

with n equal to zero or one and m taking all values 
from zero through 5. Since under the conditions 
of our experiments Co(NH3)5OH++ is stable with 
respect to the lower ammine complex,1 the mech­
anism requires that Co (II) bring about the rapid 
(compared to rate of electron transfer) transforma­
tion of the lower ammines to the pentammine com­
plex. The direct test of this feature of the mech­
anism has not yet been made, but there is no evi­
dence from preparative procedures that the re­
actions in question are rapid enough.

For the reaction: Co+ + +  5NH3 =  Co(NH3)6++, 
K qq =  4.79 X 10“ 6 in our media at 35.5° with 
AH =  —10.5 kcal. and AS =  —8.0 e.u. We may 
then rewrite rate law (A)
exchan ge ra te  =  F ( C o ( N H 3) f, +  + )(O o (N P T 3) 5O H  + +) (C )

At 35.5°, and with ammonia greater than 0.15 M, 
kr =  1.6 (M )-1(hr.)-', AH *' =  15.6 kcal, and 
AS*' =  —23.5 e.u. At 45° k' becomes 2.2, in sharp 
contrast to the corresponding constant for the 
Co(NH3)6++-Co(NH3)6+++ exchange, to which 
an upper limit of 0.003 (il/)_1(hr.)~l has been set 
at this temperature.2

Acknowledgments.— We gratefully acknowledge 
the extensive aid and encouragement given by Dr. 
John W. Cahn during the early part of this work, 
and we wish to thank Professor Nathan Sugarman 
for providing our proportional counter. This 
research was supported by the Office of Naval Re­
search under Contract N 6-ori-02026.

THERMODYNAMICS OF THE MERCURY 
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As part of a program to determine the thermo­
dynamic properties of the titanium halides, the 
authors have studied the mercury reduction of 
titanium tetrafluoride by the technique previously 
employed with the bromide system.1 The reagents 
were triple-distilled mercury and titanium tetra­
fluoride twice sublimed in vacuo as described 
earlier.2

Two independent determinations of the equilib­
rium pressure as a function of temperature gave the 
data shown in Fig. 1 which are represented by the 
equation of the full line

lo g  P otm =  — 5 5 7 4 /7 ’ -  1 .8 6  lo g  T  +  1 4 .6 2  (1 )

The coefficient of the log T term (ACp/R) was evalu­
ated from an estimate of ACP =  —3.7 for the reac­
tion

V 2 H g 2F 2(s ) +  T i F 3(s) =  T i F 4(g )  +  H g ( l )  ( 2 )

to which the equilibrium pressures were tentatively 
assigned. For the calculation of ACP, the heat 
capacity at 298.2°K. of Hg(l) =  6.65 cal./m ole/ 
deg. was taken from Circular 500, National Bureau 
of Standards, and that of TiF4(g) =  19.8 cal./m ole/ 
deg. was calculated from the estimated vibrational 
frequencies in reference 2. The heat capacities of 
Hg2F2(s) =  22.5 cal./m ole/deg. and TiF3(s) =  18.9 
cal./m ole/deg. were estimated by comparison of 
published values3“ 6 for the fluorides and chlo­
rides of Al, Mg, Ti and Hg.

From equation 1 are calculated
A F < W 2 =  1 1 .8 4  k c a l . /m o le  

A P 029S. 2  =  2 4 .4  k c a l . /m o le  
A S nM8- 2 =  4 2 .1  e .u .

Although X-ray diffraction patterns of the reaction 
product showed only Hg2F2 and some poorly de-

(1) E. II. 11 all and J. M . Blocher, Jr., J .  E l e c t r o c h c m .  S o c . , 1 0 5 , 40
(1958).

(2) E. II. Hall, J. M . Blocher, Jr., and I. E. Campbell, ibid., 1 0 5 ,  275 
(1958).

(3) Circular 500, N ational Bureau of Standards.
(4) F. D . Rossini, et a l., "P roperties of T itanium  Com pounds and 

R elated Substances,”  O N R  R eport A C R -17 , Office of N a va l Research 
(1956).

(5) K. K. Kelly, U. S. Bureau of Mines Bulletin 476 (1949).
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fined lines not characteristic of TiF3,6 it should be 
noted that the entropy change is close to that (44.7 
e.u.) for the corresponding bromide system,1 and 
that (also 44.7 e.u.) calculated from data in refer­
ences 3 and 4, for the chloride system. Thus, if the 
titanium-bearing reaction product is not TiF3(s), 
but a solid solution or complex, it is thermodynam­
ically very similar. Therefore, the above heat of 
reaction is assigned to equation 2 with a probable 
uncertainty of ± 3  kcal.

E. J. Prosen and his associates of the National
(6) (a) K . S. Vorres and F . B . D utton, J. A m . Chem. S oc.. 77, 2019 

(1955).
(b) Titanium  trifluoride prepared at B attelle  b y  the titanium  reduc­

tion of TiF4 gave an X -ray pattern differing som ew hat from that of 
Vorres and D utton  and unlike th at of the m ercury reduction product.

Bureau of Standards have planned to measure the 
heat of formation of TiF4. However, these results 
are not yet available for combination with the 
present data to give the heat of formation of TiF3. 
In the meantime, the difference

AH°i TiF<(sl — AH°I TiFs(s)
may be of interest to those studying the extractive 
metallurgy of titanium in fluoride systems. For the 
purpose of this calculation, the cell data of Koerber 
and De Vries7 are used. They obtained =  
1.0337 v., and AF \ 3 =  — 47.7 kcal./molo (the 44.7 
in their paper is a misprint) for the reaction 

Cd(het. amalg.) +  Hg2F2(s) = CdF2(s) +  2IIg(l) (3) 
Combination of this value with I.C.T. data8 for 
Cd(s) = Cd(het. amalg.), A F °m  = —2.45 kcal./mole (4) 
gives
Cd(s) +  Itg,F2(s) = CdF,(s) +

2Hg(l), AF',0m =  —50.1 kcal./mole (5)
From data on CdF2(s) on reference 3 (AIi°f 298 =
— 164.9 kcal./mole and AF°[ 29s =  —154.8 kcal./ 
mole) and the close approximation AF2$s =  AH2m
— TASm, we calculate

AF°f 283 cdF2(8) = —155.3 kcal./mole (6)
whence, (6 — 5)

AF°i 283 Hg!F2(s) = —105.2 kcal./mole (7)
From Latimer’s tables,9 the entropy o: Iig2F2(s) is 
estimated to be ,S0298-2 =  41.8 e.u. which when com­
bined with the entropies of Hg(l) and F2(g) from 
reference 3, and the above AFa value (7) gives 

AH°i 283 HgiFitu) =  Aff°f 298.2 HgiFi(a) = — 117.6 kcal./mole
Combination of this value with the present equilib­
rium data of equation 1 and the heat of sublimation 
of TiF4(s) (A//°298-2 =  22.9 kcal./mole) from refer­
ence 2, gives

Aff°f 298-2 TiF.ia) — AH0/ 298-2 TiFj(s) = — 57.3 ( ± 3 ) kcal.

This value confirms the —55 kcal. estimate of 
Brewer.10

The authors are indebted to the Office of Naval 
Research for their support of this research under 
Contract No. Nonr-1120(00).

(7) G . G . K oerber and T . D e Vries, J . A m . Chem. S oc., 7 4 , 5008 
(1952).

(8) “ International C ritical Tables,'* Vol. V II, M c G ra w -H ill Book 
C o ., N ew  Y ork, N . Y .,  1930, p. 256.

(9) W . M . Latim er. J. A m . Chem. Soc., 7 3 , 1480 (1951).
(10) L . Brewer, L . A . Brom ley, P. W . Gilles and N . H . Lofgren, 

Paper N o. 6, Vol. IV -19 B , N ational N uclear E n ergy Series, L . L. 
Quill, Ed. M cG raw -H ill Book C o ., N ew  Y o rk , N . Y .,  1950.
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