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log/± = 
-A VC^ 

1 +Bd VCi 
(3) 

using an ion size parameter of 5.5 A. This value 
was chosen somewhat arbitrarily as the mean 
distance from the center of the sodium ion to the 
center of the cavity in an ion-pair. The final 
result is not very sensitive to the value of & used 
but the value of 5.5 A. was used from the beginning 
and was not used as an adjustable parameter. It 
is felt that any reasonable value of & is better than 
using only the limiting law. 

The calculations were performed by first neglect
ing reaction 2, resulting in an approximate value of 
Kx given by 

**Cf±> X1Ca) = 
1 

(4) 

A series of K1
 ta) values were obtained in this manner 

as a function of concentration. K1^ was then plot
ted versus concentration and a test value of the 
true constant K1^ was obtained by extrapolation. 
Ki was obtained from KiM and K^ through the 
relationship 

K, - [ • 
(X1"' - X1W) 

Va)J (5) 
XL<»>" 

Ki was calculated as 
Table VI gives the 

The most 

For a series of values of K1^ 
a function of concentration. 
results obtained for three values of ii"i(t). 
constant value of K2, 18.5, was obtained for Z1W = 
9.2 X 10_s . These calculations show that the 
data obtained can be fit with the type of equilibria 
postulated by the "monomer-dimer" theory.2 

However, either a spherical monomer unit or an 

ion-pair between sodium ion and the electron in a 
cavity could be the important unit. Of course 
these data provide no information concerning the 
structure of the dimer. An uncharged dimer rather 
than an e2

= unit was considered in this treatment. 
A treatment based upon the assumption of dimeri-
zation to e2~ centers has not been made but would 
be more complex because of additional ion-pairing 
equilibria. The values of Kx and K2 are to be 
compared with 7.2 X 10~s and 27 obtained by 
Evers and Frank from the total conductance up to 
concentrations of 0.04 molar. On the basis of 
both sets of calculations, the dimerization constant 
K2 appears to be smaller than the corresponding 
constant for potassium calculated26 from the 
magnetic resonance data of Hutchison.13 Un
fortunately the paramagnetic resonance data for 
sodium are not as extensive nor as internally con
sistent as the potassium data. I t would be of 
interest to extend the magnetic data for sodium 
and also to evaluate A+ for potassium from trans
ference number measurements. On the basis of 
our results and the magnetic evidence, one would 
expect more dimerization for potassium than for 
sodium and therefore a larger value of K2. Trans
ference number data for potassium are currently 
being obtained in this Laboratory. 
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Transference number data from moving-boundary measurements and data from the e.m.f. of cells with transference were 
used to calculate the activity of sodium in liquid ammonia as a function of concentration. Consideration of ion-pairing and 
dimerization equilibria allowed extrapolation of the data to infinite dilution and resulted in values of 9.6 X 1 0 - 3 and 23, 
respectively, for the equilibrium constants of the two reactions 

Na"1 Na+ + e" (D 2Na^ Na2 (2) 
The results were combined with published vapor pressure data for the high concentration region and with calorimetric 

data to give a partial molar entropy of 16.9 ± 1.8 cal. deg . - 1 mole - 1 for the solvated electron in the hypothetical ideal one 
molal solution. 

Introduction 
The activity coefficients of alkali metals in liquid 

ammonia can be determined in the high concen
tration range from data on the vapor pres
sure of ammonia above such solutions. Since the 
precision in this method is poor at low concentra
tions, it is necessary to use pure sodium as the 
standard state or simply to compute relative ac
tivity coefficients.2a Such data are useful for com
paring the behavior of different metals and for 

(1) (a) To whom correspondence should be addressed. Cb) This 
work was supported in part by the U. S. Atomic Energy Commission 
under Contract AT(11-1)-312. 

(2) (a) P. R. Marshall and H. Hunt, / . Pkys. Chem., 60, 732 (1956). 
(b) L. V. Coulter, ibid., 57, 553 (1953). 

studying phase equilibria but do not help to de
termine the nature of the ionized species in dilute 
solutions. Calorimetric data are available2b3 for 
the heat of solution of the metal to form dilute solu
tions, so that AH0 for the process 

NH3(D + Na(.) > Na(am)
+ + e(am,- (3) 

can be calculated. The data of Pleskov4 on the 
e.m.f. of cells were used by Jolly5 and by Coulter2b 

to calculate ionic enthalpies and entropies for the 
alkali ions and to estimate the heat of solvation of 

(3) G. A. Candela, M.S. Thesis, Boston University, 1952. 
(4) V. A. Pleskov and A. M. Monoszon, Acta Physicochim. U.R.S.S., 

2, 615 (1935); V. A. Pleskov, ibid., 6, 1 (1937). 
(5) W. L. Jolly, U. S. Atomic Energy Comm., U.C.R.L.-2201, pp. 

23 (1953). 



4804 J. L. DYE, G. E. SMITH AND R. F. SANKUER Vol. 82 

the electron. However, it was not possible to ob
tain AF0 for the process given by (3). Because of 
the solubility of the metals in ammonia, one cannot 
set up suitable cells without transference using the 
metals as electrodes. The use of dropping amalgam 
bridge electrodes similar to those used in aqueous 
solutions6 would be complicated by the partition 
equilibrium of the metal between the ammonia and 
the mercury phases. 

Almost fifty years ago, Kraus,7 in the course of 
his classic studies of metal-ammonia solutions, 
measured the e.m.f. of cells with transference em
ploying dilute solutions of sodium in ammonia. 
The type of cell which he studied was 

Pt(Na(Ci in XH3)JNa(C2 in NH3)I Pt (4) 
in which the platinum electrodes appeared to be
have reversibly towards the solvated electron. 
These data were used by Kraus to demonstrate 
the high value of the anionic transference number 
and its change with concentration. To make this 
calculation, Kraus assumed the activity ratio to be 
equal to the concentration ratio. Klein8 has made 
e.m.f. measurement on metal-methylamine solu
tions and Fristrom9 has extended the e.m.f. data of 
Kraus to other metals in ammonia and to tempera
tures other than —33.5°. 

In view of the modern interpretations of the 
structure of dilute solution, activity coefficients un
doubtedly play an important role. The measure
ment of transference numbers reported in a com
panion paper10 makes possible the calculation of 
activity coefficient ratios using the data of Kraus. 
The equilibria postulated by modern theory can be 
used to extrapolate the data to the infinite dilution 
reference state. Use of vapor pressure data at 
higher concentrations allows calculation of the ac
tivity coefficient over the entire range of concen
tration from infinitely dilute solution to the satu
rated solution. These calculations and the inter
pretation of the results are the subjects of this 
paper. 

Calculations and Results 
The calculation of molar activity coefficient ra

tios requires a knowledge of the cation transference 
number, T+, as a function of concentration. This 
can be obtained by subtracting from unity the meas
ured value of T-. Since the transference data 
covered the range 0.02 to 0.14 molar while the 
e.m.f. data of Kraus were obtained from 0.002 to 
0.82 molar, it was necessary to extrapolate the 
transference data in both directions. Because of 
the independent value available for the intercept at 
C = 0,10 the extrapolation to low concentrations 
should be quite reliable. Direct extrapolation to 
concentrations above 0.14 molar is hazardous be
cause of the expected drop of T+ to very low values. 
The total conductance passes through a minimum 

(6) H. S. Harned and B. B. Owen, "The Physical Chemistry of 
Electrolytic Solutions," 3rd Ed., Reinhold Publishing Corp., New 
York, N. Y., 1958, p. 489. 

(7) C. A. Kraus, T H I S JOURNAL, 36, 864 (1914). 
(8) H. M. Klein, Ph.D. Thesis, Pennsylvania University, 1957; 

Dissertation Abstr., 17, 990 (1957). 
(9) R. M. Fristrom, Ph.D. Thesis, Stanford University, 1949; 

D.D., 16, 32 (1948-1949). 
(10) J. L. Dye, R. F. Sankuer and G. E. Smith, T H I S JOURNAL, 82, 

4797 (1960). 

and then rapidly rises to a high value. A rapid 
drop of 7"+ is expected because of an increase in 
X_ rather than a rapid decrease in the cation con
ductance. The sodium ion conductance should de
crease slowly and uniformly with increasing con
centration. Because of this, the cation transfer
ence number at concentrations above the experi
mental range was calculated by dividing the ex
trapolated value of X+ by the total conductance 
A obtained from the data of Kraus11 and Fristrom.9 

Electromotive Force Data.—The e.m.f. data of 
Kraus7 were obtained for a number of pairs of 
solutions, while the calculation of relative activity 
coefficients requires e.m.f. data relative to a par
ticular reference solution. Thus it was necessary 
to treat the data of Kraus in a different manner 
than is normally done. If Ae represents the e.m.f. 
observed for a cell having metal concentrations 
Ci and Ci and if G and C2 are not widely different, 
one can make the approximation 

A e
 = Ae _ de 

A log C C2 d log C K ' 

A graph of —-. p, versus log C (average) was made, 

and graphical integration was used to obtain e ver
sus log C as shown in Fig. 1. The smoothed values 
of e are given in Table I. A reference concentra
tion corresponding to log Cref = —2.20 was chosen 
for calculation of activity coefficients. This con
centration is high enough to be fairly insensitive to 
errors in the e.m.f. measurements at the lowest 
concentrations and yet low enough so that the laws 
of dilute solution behavior can be applied to the 
reference solution. 

The calculation of —— followed standard pro-
y±ref 

cedure12 and made use of the equation 
iog v±<=iog % * + ^ R f [ r i + 1 : *•] <6> 
in which 

and F is the Faraday. 
The value of J~8de was obtained by graphical in

tegration and the procedure was checked by graphi
cal differentiation of the integral curve. The re
sulting values of y±/y±ret are given in Table I 
along with the values of T+, e and J~Sdt used. The 
symbol y± refers to the stoichiometric mean molar 
activity coefficient. In the discussion of the ex
trapolation procedure which follows, / ± represents 
the mean molar activity coefficient of the ions 
present and is presumed to obey the Debye-Hiickel 
equation in dilute solutions. 

Direct extrapolation of y±/y±rei to infinite dilu
tion using the Debye-Hiickel equation gives an ap
proximate value of y±ref, but the curvature is too 
great for a reliable extrapolation to be made, and 
to evaluate this parameter the equilibria involved 
must be considered. The equilibria considered 

(H) C. A. Kraus, ibid., 43, 749 (1921). 
(12) R. A. Robinson and R. H. Stokes, "Electrolyte Solutions," 

Butterworths Scientific Publications, London, 1955, p. 200. 
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Fig. 1.—The e.m.f. data of Kraus7 plotted in differential 
form and the resulting integral curve. Data are for sodium 
in ammonia at —33.5°. 

were those postulated by Becker, Lindquist and 
Alder13 

K1 
M + : e - ^ Z * : M + + e - (1) 

K2 

2 M + - e - ^ ± I M 2 (2) 

I t was assumed that the ionic species obeyed the 
Debye-Huckel equation14 

l 0 S / ± = I + B ^ V C 1 

The numerical values of A and B used were 4.75 and 
0.693, respectively, for ammonia at —33.5°. The 
parameter d was arbitrarily chosen to be 5.5 A. and 
was not adjusted for best fit. The constants Ki and 
K2 were "coupled"; that is, the data could be re
produced reasonably well over a range of values of 
Ki provided that K^ and ;y±ref were suitably varied. 

(8) 

M 
X 10' 

0.178 
.398 
.631 

1.00 
2.00 
3.98 
7.94 

15.9 
31.6 
50.1 
79.4 

TABLE I 

SMOOTHED DATA FOR ACTIVITY CALCULATIONS 

r+ 

0.133 
.131 
.129 
.126 
.118 
.104 
.085 
.062 
.042 
.028 
.011 

(volt X 10») 

- 5 . 6 4 
- 1 . 6 9 

0.00 
1.297 
2.987 
4.328 
5.419 
6.309 
7.052 
7.450 
7.717 

fSAe 
(volt X 10") 

0.768 
.107 
.000 
.115 
.830 

2.350 
5.143 

10.12 
18.17 
26.47 
37.54 

y=b/(y=b)ief 

1.231 
1.174 
1.000 
0.8105 

.5710 

.3839 

.2539 

.1705 

.1200 

.1002 

.0874 

The value of y±Ki is sensitive to the value of Ki 
used, and so an independent measure of y±ref was 
used before fitting the two constants to the data. 
If a represents the fraction of the total sodium pres
ent as Na+ , then 

« - § O) 
(13) E. Becker, R. H. Lindquist and B. J. Alder, J. Chem. Phys., 25, 

971 (1956). 
(14) Ref. 6, p. 66. 

.16 

(MOLARITY)1:2 

Fig. 2.—Mean molar activity coefficient of sodium in 
ammonia. Solid line calculated from e.m.f. and T-data; 
circles represent calculations from equilibrium constants. 

and 
y ± = af± (10) 

with / ± evaluated by (8). For the reference con
centration only, a was estimated from conductivity 
data for N a + 10 to be 0.79. Since conductivity is 
very sensitive to the absolute value of a, while 

y± » • d 
—— is sensitive primarily to the ratio — , it was 
;y±ref _ ttref 
felt that this procedure would give a better value of 
y±Kt than the adjustment of Kx and K2 to give the 
best fit. 

Having thus fixed y±ref, Ki and K2 were evaluated 
from the relative activity coefficients by a method 
of successive approximations. Equation 1 gives 

a 2 C s /± 2 
JiTi = [M + -e - ] ( U ) 

To get an approximate value of Ku the apparent 
constant K^ was evaluated at each concentration 
as 

(1 - «) 
(12) 

using the measured ;y±/;y±ref and equation 10. 
Equation 8 was used to obtain / ± and the entire 
procedure was repeated until consistent values of a 
and /± were obtained. 

The parameter KiM varied with concentration 
because of the presence of the second equilibrium. 
An extrapolation to infinite dilution gave an ap
proximate value of K1^, the true equilibrium con
stant. Ki was calculated from Ki^ and KiM using 
the relationship 

(K1M - K1^)K1M 
K2' = 

2(CoAt)ISTi''' 
(13) 

After adjusting K^ to give the most constant 
set of K2 values, the two constants were combined 
wi th /± from equation 8, a n d y ± was computed for 
comparison with the experimental values. The re
sults are given in Table II and are shown graphi
cally in Fig. 2. In this figure, the solid line repre
sents the smoothed activity coefficient curve ob
tained from e.m.f. and transference number data, 
and the circles represent the calculated values using 
K1 = 9.6 X 10-3, K2 = 23. These compare very 
favorably with the values of 9.2 X 10 - 3 and 18.5 
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Fig. 3.—Mean molar activity coefficient of sodium in am
monia over the entire range of solubility. 

obtained from the sodium ion conductance.10 The 
deviation of the experimental curve from the cal
culated curve a t low concentrations is probably due 
to an error in the e.m.f. measurements. The low 
concentration region of the e.m.f. curve (Fig. 1) is 
based upon only two points. Since a dilution 
method was used by Kraus, decomposition of the 
dilute solutions could easily account for the devia
tions. 

TABLE II 

COMPARISON OP OBSERVED AND CALCULATED ACTIVITY 

COEFFICIENTS FOR DILUTE SOLUTIONS 

(1, mole-i)-
M 

0 

1 
1 
2 
3 
6 

K 10! 

251 
398 
502 
794 
000 
59 
51 
98 
31 

10.0 

Calcd. 
0.576 

.504 

.466 

.388 

.350 

.277 

.213 

.161 

.119 

.087 

Obsd. 
0.527 

.504 

.464 

.387 

.348 

.276 

.216 

.166 

.125 

.095 

The vapor pressure da ta of Kraus, Carney and 
Johnson1 5 were used to compute activity coeffi
cients in the concentrated range based upon pure 
sodium metal as the s tandard state. The data of 
Marshall and Hunt , 2 a obtained a t —45.4°, could 
not be used because of the presence of a two-phase 
region from mole fraction, X^a = 0.018 to J5ST̂ a = 
0.067 a t this temperature. 

Integration of the Gibbs-Duhem equation was 
performed graphically to obtain the activity of so
dium in the concentrated region from the measured 
activity of ammonia. The method was checked by 
a second integration of the Gibbs-Duhem equation 
using the calculated sodium activity. The results 
agreed with the original values of the ammonia 
activity. 

I t was desirable to combine the dilute solution 
results and the results obtained from vapor pres
sures even though a considerable concentration 
gap remained between the two sets of measure
ments. Since two different s tandard states are in
volved, the relationship between activities is 

iy±Cy = kas* (14) 

(15) C. A. Kraus, E. S. Carney and W. C. Johnson. THIS JOURNAL, 
49, 2206 (1927). 

001 

,0005 

0 04 .OS ,12 16 
MOLE FRACTION S0OIUM . 

Fig. 4.—Activity of sodium (log scale) in ammonia versus 
mole fraction; standard state is pure solid sodium. 

in which a \ a is the activity of the sodium based 
upon pure, solid sodium as the s tandard s tate and k 
is an unknown constant determined by the relative 
free energies of the two s tandard states. For t h e 
process 

Na1, Na"1 + e-

hypothetical, ideal one molar solution 

AF°± = -RT In k 

From (14) we can write 
log (y± C)% = log k + log oNa 

(15) 

(16) 

This suggested a method of evaluation of k.u Sepa
rate sheets of semi-log paper were used with (y ± C)2 

plotted versus C on one sheet and axa versus C on 
the other. The two sheets of graph paper were 
then moved vertically unti l the two sets of da ta 
could be connected by a smooth curve. The value of 
k was given by the ratio of the readings on the two 
semi-log axes for any concentration. The results 
are given in Table I I I and are shown graphically in 
Figs. 3 and 4. The value of k is 0.54. 

TABLE II I 

ACTIVITY OF SODIUM IN AMMONIA OVER THE ENTIRE RANGE 

OF SOLUBILITY 
Molarity axa

a 
XN 8 

0.154 
.143 
125 

.100 

.0833 

.0625 

.0476 

.0278 

.0196 

.0164 

0100 
.00505 

4.97 
4.65 
4.16 

43 
93 
27 

1,77 
1.07 
0.762 

.641 

.399 
200 

1.000 
0.294 

. 0845 

.0234 

.0139 

.00872 

.00596 

.00262 

.00153 

.00118 

.000642 

.000317 

0.148 
.0860 
.0516 
.0328 
.0296 
.0304 
. 0322 
.0354 
.0379 
.0396 
.0468 
.0647 

• Based upon pure sodium as the standard state. b Based 
upon the hypothetical, ideal, one molar standard state. 

(16) We are indebted to Professor R. H. Schwendeman for pointing, 
out the feasibility of this method. 
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Discussion 
The activity coefficient data in dilute solutions 

are certainly compatible with the ion-pairing and 
dimerization equilibria. The close agreement of 
the constants with those obtained from X+ data 
lends added support to the assumption that these 
two equilibria are involved. As with the conduct
ance data the results reported here cannot distin
guish between an ion-pair and a monomer unit. 

Figure 3 shows that the mean molar activity co
efficient is nearly constant over a very large con
centration region. The extremes are only 25% 
apart, from 0.64 to 3.76 molar. Over this range, 
the mean ionic activity is nearly proportional to the 
total concentration, and the solution behaves as a 
nearly "ideal" binary electrolyte. 

Figure 4 shows the variation of total activity (on 
a semi-log scale) with concentration. The inflec
tion in the curve reflects the fact that in this con
centration range at a temperature only 8.5 degrees 
below this, the system separates into two phases. 

These results permit calculation of the standard 
free energy change for the solution process. For 
the process, Na(s> -»• Na+

(am) + e -
( a m ) , the values 

are: 
(1) To form the hypothetical ideal solution, C = 

1; A-Fi0 = +0.3 kcal. mole"1. (2) To form the 
hypothetical ideal solution, m = 1; AFV5 = —0.1 
kcal. mole -1. (3) To form the hypothetical ideal 
solution, Z N 3 = 1; A^3

0 = +3.8 kcal. mole-1. 
These data can be combined with heat of solution 

data,2b which give AiI0 = +4.4 kcal. mole -1, to 
yield ASi0 = 17.1 cal. deg. - 1 mole-1; AS2

0 = 18.7 
cal. deg. - 1 mole -1; AS3

0 = 2.5 cal. deg. - 1 mole -1. 
Using the value of 12.6 cal. deg. - 1 mole - 1 for the 
partial molal entropy of sodium ion2 and 10.8 cal. 
deg. - 1 mole - 1 for the entropv of sodium at 
-33.5° 17 gives S0 = 16.9 cal. deg. - 1 mole - 1 (hy
pothetical ideal, m = 1) for the solvated electron. 

For some ten years there has been in use in this 
Laboratory apparatus for measuring the heat 
capacity of solids in the temperature range between 
10 and 32O0K. Since the apparatus and particu
larly the method used for calculating the corrected 
heat capacities from the experimentally measured 
quantities differ in some respects from those de
scribed in the literature, they will be briefly de
scribed in the present paper. In order to check 
on the accuracy of our heat capacity measurements, 

Since extrapolation and interpolation were used 
extensively and also because smoothed curves were 
used for e and T+, we attempted to estimate the 
error in the final result. The estimate of the prob
able error in the smooth T- curve is ±0.6%.10 

Since T- varies from 0.86 to 0.94 over the range 
studied, the probable error in T+ is about ± 7 % . 
The error in e is not easy to estimate, but it is cer
tainly less than the error in T+ at high concentra
tions. The root mean square deviation of —; ~ 

A log C 
from a smooth curve is ±4.6% (probable error = 
± 3%). Combination of all effects leads to an esti
mated probable error in y±/y± ref ranging from 
0.8% at 0.01 molar to 9.6% for a 0.63 molar solu
tion. Because of extrapolation errors, this in
creases to about 16% at the point of tie-in with the 
vapor pressure data. Another uncertainty is in
troduced by choosing aref from conductance data, 
with the magnitude of this error unknown because 
of the dependence upon the conductance function 
chosen to represent the behavior of the ions. 
However, a rough estimate may be made based 
upon the experimental error. The estimated prob
able error in aref (6%) leads to an error of 4.2% in 
y±ref. The combined effects give a probable error 
in y± varying from 4.3% at 0.01 molar to 10.5% at 
0.63 molar. Consideration of all of these effects 
leads to an estimate of the probable error of AF0 of 
±0.36 kcal. mole - 1 which gives an uncertainty of 
± 1.8 cal. deg. - 1 mole -1 for AS0 assuming AHa to be 
accurate to ±0.1 kcal mole -1. 

Acknowledgment.—The authors express ap
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(17) F. Simon and W. Zeidler, Z. physik. Chem. (Liepzig), 123, 383 
(1926); National Bureau of Standards, Circular 500, "Selected Values 
of Chemical Thermodynamic Properties," 1952, p. 447. 

we have measured the heat capacity of a standard 
sample of benzoic acid, and the results are presented 
in this paper. 

Apparatus 
Cryostat and Calorimeter.—The heat capacity apparatus 

is of the "isothermal" type consisting of a vacuum in
sulated calorimeter surrounded by a massive shield (called 
the "block") whose temperature remains nearly constant 
during a heat capacity measurement. The construction 
of this block and of the outer parts of the cryostat is similar 
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Apparatus and Methods for Low Temperature Heat Capacity Measurements. The 
Heat Capacity of Standard Benzoic Acid 
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An apparatus and methods for the measurement of low temperature heat capacities of solids are described. The methods 
of correcting the data for heat interchange and for thermal gradients within the calorimetric system, as well as other neces
sary corrections, are discussed. The heat capacity of a Calorimetry Conference standard sample of benzoic acid has been 
measured in the temperature range between 10 and 3000K. and the results are compared with data from the National 
Bureau of Standards and from other laboratories. 


