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The Critical Increment of Ionic Reactions. II. The Influence of Dielectric Con­
stant and Ionic Strength 

BY W. J. SVIRBELY1 AND ARTHUR SCHRAMM2 

On the assumption t ha t the rates of ionic reac­
tions are functions only of the temperature, di­
electric constant and ionic strength, equations 
were derived3 recently which predicted the in­
fluence of dielectric constant and ionic strength 
upon critical increments. The calculated results 
were shown to be in satisfactory agreement with 
the observed critical increments in the reaction 
between ammonium and cyanate ions over the 
temperature range of 30 to 70°. The reaction 
was studied in water whose dielectric constant 
varied with temperature, and in mixtures of water 
with methanol a t the fixed dielectric constants of 
63.5 and 55. In the present investigation, the 
reaction between ammonium and cyanate ions 
was studied over the same temperature range in 
mixtures of water with methanol a t fixed dielectric 
constants of 50, 45, 40 and 35, and also in a con­
s tant alcohol composition mixture of 28 .3%, whose 
dielectric constant varied with temperature. The 
experimental critical increments were then com­
pared with the predicted values obtained by means 
of the theoretical equations.8 

Experimental 

All materials were prepared or purified as de­
scribed in previous papers,4 which also describe 
the procedure used in this investigation. AU 
temperatures were checked against a thermometer 
recently calibrated by the Bureau of Standards. 
Thermosta t temperatures were maintained con­
s tant within ±0 .01° . Dielectric constants for 
water and for water-methanol mixtures were 
taken from the work of Akerlof.8 

Using Scatchard's" t rea tment for the rate of 
reaction in a changing environment, Warner and 
Warrick4b developed the equation 

i 1 + ±A VC5" 
ht _ i l±**v^ 
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requirements for the degree, Master of Science, June, 1937. Pre­
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(3) Svirbely and Warner, THIS JOURNAL, 57, 1883 (1935). 
(4) (a) Warner and Stitt, ibid., 55, 4807 (1933); (b) Warner and 

Warrick, ibid., 57, 1491 (1935). 
(3) Akerlof, ibid., 54, 4125 (1932). 
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where A is the Debye-Hiickel constant in In 7; = 
—A z\ v7*. Average values of the limiting velocity 
constant obtained by this method are listed in 
Table I.7 

Deviations (5) of the experimental value of 
C/(I + 4A\/C) from the value calculated from 
the average ko are plotted against the experimental 
value of this function in Fig. l4b. The filled 
circles represent values of C/(I + 4A\/Zy). 
Limiting velocity constants can also be calculated 
from bimolecular constants determined by the 
method of slopes4 by means of the equation8 

SZAZBK 
l°eh = l o s h +DkT(I +Kb) 

which applied to our reaction becomes 
3.63 X 106VM 

log £0 = log h + • 

(2) 

(3) (7X>)SA + 100.6D7VM 
Equation (3) yields3,4b somewhat higher values 
for ko than equation (1). However, plott ing the 
corresponding log ko values against 1/2" in water, 
and in methanol-water mixtures of D = 63.5-55 
gives3 parallel lines. While the average ko values 
listed in Table I have been obtained by means of 
equation (1), it must be emphasized tha t there is 
no real reason for believing tha t equation (1) 
yields bet ter results in this case than equation (3). 
In Table II , we give velocity constants (kx) at 
V7J" = 0.194 obtained from ko by the relation4*3 

h = W(I + 2A VH) (4) 

The lines obtained by plott ing log ko and log ku 

respectively, against 1/T for water, and for meth­
anol-water mixtures of 28 .3% constant composi­
tion, and for methanol-water mixtures of D = 
63.5, 55, 50, 45, 40 and 35 can be expressed by the 
general equation 

log k = log K - {E/4.58T) (5) 

In Fig. 3, log ko is plotted against 1/T for the vari­
ous media. Values of log Ko and E0 and of log 
K1 and Ei obtained by means of equation (5) are 
listed in Tables I and II , respectively. The tables 
also contain values of ka and ki calculated by 
means of equation (5) using the tabulated values 
of log K and E. I t is evident from the tables tha t 

(7) Table I. (a) Data in water, and in water-alcohol mixtures at 
dielectric values of 63.5 and 55 were obtained from ref. 3. (b) Data 
at 50°, dielectric values of 50 and 45 were obtained from ref. 4b. 

(8) Scatchard, Chem. Rev., 10, 229 (1932). 
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the log K's for the constant dielectric 
constant mixtures are approximately 
constant, the average value being 11.77. 
This leads to a collision factor of ~5 .8 
X 10u . I t thus seems that the colli­
sion factor is, within experimental error, 
independent of both the dielectric con­
stant and the ionic strength in meth-
anol-water mixtures of constant dielec­
tric constant. 

Svirbely and Warner3 obtained a re­
lationship between the critical incre­
ment in a solvent of fixed composition 
and a medium of constant dielectric 
constant, namely 

C E V e d ccmp. = (El*) + 2 . 3 RT' 

fb log h\ dD 
IrdT 

/a log h\ 
(6) 

(7) 

For water, equation (6) becomes 

(BOH1O - (ED*) = (1050T/D) 

Using equation (7) one calculates the 
difference between the critical incre­
ment in water and in media of fixed 
dielectric constant to be 4860 calories 
at 50°. Using the experimental values 
of the £°'s given in Table I, one ob­
serves that the differences between the 
critical increments in water and in 
media of fixed dielectric constant vary 
from 4740 cal. at D = 63.5 to 6210 cal. 
at D = 35. The increase in the differ­
ences between the experimental values 
as one approaches the lower dielectrics 
is due to the continued decrease in the 
value of E°D*. The decrease in ED* 
amounts to 1500 calories. I t should be 
pointed out, however, that some of the 
decrease in ED* may be due to the 
method of calculating the fa's. In the 
derivation of equation (1) essentially it 
is assumed that equation (4) not only 
holds throughout the experimental 
range but that it also holds to zero 
concentration. This extrapolation to 
zero concentration, particularly as the 
(DT) product decreases, appears to be 
somewhat uncertain. However, one 
cannot estimate at present just how 
much if any of the decrease in ED* is 
due to errors of extrapolation. Ii ED* 
is plotted against D, a linear relation-
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ship is obtained which may be expressed by the 
equation 

E"D* = -15,460 - 53.IQD (12) 

By combining equations (5) and (12) one obtains 
an empirical equation for log k0 in media of fixed 
dielectric constant, namely 

(15,460 + 53.19D) 
log h = 11.75 -

4.58F (13) 

Values of log k0 obtained by equation (13) are 
compared with the experimental values in Fig. 3. 
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Fig. 1.—Methanol-water mixtures. 

0.025 

For 28.3% alcohol, equation (6) becomes 
CE°)28.S%CH3OH - (E°D*) = 7ZbTfD (S) 

This leads3 to a calculated value of -E°8.3% CH,OH = 
22,970 cal. Using equation (8) one calculates 
the difference between the critical increment in 
28.3% methanol and in media of fixed dielectric 
constant to be 4130 cal. at 50°. Using the experi­
mental E"'s, one observes that (-E°)28.3%CHaOH _ 

(ED*) varies from 3560 cal. at D = 63.5 to 5030 
cal. at D = 35. 

0.002 0.004 0.006 0.008 0.010 0.012 0.014 0.016 

_[A _ Il 
U 1 0 DA. 

Fig. 2. 

By taking logarithms and differentiating equa­
tion (4) one obtains a relationship between £° 
and £ at a fixed ionic strength, namely 

(12.5 X 1 0 V M RT) f d l n m 
\ ^ AInT) w E E° + (TDy/' +"8.36"X 10 V A " ' din T) 

Using equation 9, we have calculated E at -\/~jx = 
0.194 from E0 of the various media. The results 
are listed in Table II and are in good agreement 
with the E's obtained by equation (5). Further­
more, it is observed that in agreement with equa­
tion (9), the critical increments increased with 
ionic strength in the media of fixed dielectric con­
stant but decreased with ionic strength in the 
media of fixed composition. 

The following equation for ionic reactions has 
been developed by Scatchard8 from consideration 
of the dielectric effect of the medium, namely 

log k0 — log k0* = 
C'ZAZB 

\D« D) 
(10) 

2.3ft Tr 

where k* is the rate constant at zero ionic strength 
in a standard solvent of dielectric constant D0, 
ko is the corresponding rate constant at zero ionic 



Feb. , 1938 D I E L E C T R I C CONSTANT AND IONIC STRENGTH E F F E C T S ON REACTION R A T E S 333 

•strength in a solvent of dielectric constant D. 
If we use water as the s tandard solvent and we 
assume r = 2 X 1O - 8 cm., then we obtain from 
equation 10 the following equations for this reac­
tion 

, = 60° log ft0 - l o g ft.*- - 1 0 8 ( - ^ - I ) ^ 

t = 30° log fto - log ft„* = -119 ( - L g - - i ) 

These equations (also those for t — 40° and 50°) 
predict an increase in velocity with decrease in 
dielectric constant for this reaction. Reference 
to Table I shows t ha t the experimental results 
are in agreement with theory. In Fig. 2 values of 
(log k0 — log k$) have been plotted against the 
corresponding differences in the reciprocals of D" 
and D a t the different temperatures. The result­
ing plots, according to equations 11, should be 
linear with slopes equal to the constants in the 
corresponding equations and increasing with de­
creasing temperatures. The curves depart, how­
ever, from the predicted linearity, the slopes de­
creasing as the amount of alcohol is increased a t 
each temperature. The limiting slopes of the 
curves are in fair agreement with the predicted 
values, increasing from ~ —113 to ~ —147 with 
decreasing temperatures. Better agreement be­
tween experiment and theory is hardly to be ex­
pected due to the approximate nature of equation 
10 as others have pointed out.4b '8 I t should also 
be pointed out tha t much of the curvature in 
Fig. 2 may be due to the possible errors of extra­
polation previously mentioned. 

Finally, we desire to call at tention to an empiri­
cal relationship between the dielectric effect and 
the temperature effect on the value of the limiting 
velocity constant for this reaction in methanol -
water mixtures of constant dielectric constant. 
From the partial differentials of equation (13) one 
obtains 

/i>ko\ /dft„\ /290.7 + D\ ,1/A 

WJD"- KW,\ T-) (14) 

The third term in equation (14) varies from 0.9S 
to 1.17 over the complete temperature and di­
electric range. One may then say tha t as an 
approximation 

(#). - - m, 
Reference to Table I shows t ha t this empirical 
equation is obeyed since one obtains approxi­
mately the same ko value by either decreasing the 
dielectric constant by 10 a t a constant tempera­

ture or by increasing the temperature by 10 a t 
constant dielectric constant . 

29 30 31 32 33 
l/T X 10*. 

Fig. 3.—Influence of temperature on the rate of conver­
sion of ammonium cyanate to urea in different media at 
zero ionic strength. O, experimental points; • , calcd. 
by equation 13. 

Summary 

1. The rate of conversion of ammonium cya­
nate to urea has been studied over the tempera­
ture range 30 to 60° in 28 .3% methanol, dielec­
tric constant varying with temperature, and in 
mixtures of water with methanol a t constant di­
electric constants for the mixtures of 50, 45, 40 
and 35. 

2. The value of the collision factor Z in the 
Arrhenius equation appears to be independent of 
dielectric constant and ionic strength in methanol -
water media of constant dielectric constant. In 
methanol-water media of constant composition, 
the collision factor varies with the media and with 
the ionic strength. 

3. The influence of dielectric constant of the 
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solvent upon the rate constants is in fair agreement 
with the Scatchard-Christiansen theory. 

4. Empirically it is shown that for this reac­
tion in methanol-water mixtures of constant di­
electric constant the following relation holds 

/ A M 
\ADJT 

5. The influence of ionic strength upon the 
observed critical increments at zero ionic strength 
is in good agreement with equations previously 
derived. It is observed that the critical increment 
decreases with decreasing dielectric constant in 
media of constant dielectric constant. 
BUFFALO, N. Y. RECEIVED OCTOBER 8, 1937 
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The Thermodynamics of Hydrochloric Acid in Dioxane-Water Mixtures from 
Electromotive Force Measurements. II. Density Data 

BY HERBERT S. HARNED AND CALVIN CALMON 

As a part of the general investigation of the 
thermodynamics of hydrochloric acid in dioxane-
water mixtures, it is necessary to know the concen­
tration of the electrolyte, c, in moles per liter of 
solution. Extensive measurements of cells suit­
able for studying the properties of hydrochloric 
acid in these solutions have been made in this 
Laboratory and, for practical reasons, the con­
centrations of the acid have been expressed in 
molalities, m. Since c is related to m by the 
equation 

c/m = 1000d/(1000 + mM) (1) 

where d is the density and M the molecular weight 
of the solute, density determinations of the solu­
tions are required. This communication con­
tains the result of density determinations of 20, 
45, 70 and 82% dioxane in water solutions cover­
ing a range in temperature from 0 to 50° and 
ranges of concentration from 0 to 3 M hydrochloric 
acid for the first two mixtures, from 0 to 1.5 M 
for the third, and from 0 to 0.7 M in the case of the 
fourth mixture, respectively. 

Experimental Measurements and Density Data 

The materials were purified and the solutions 
were prepared according to the directions given 
by Harned and Morrison.1 For the determina­
tions of the 20, 45 and 70% solutions, both pyc-
nometers and dilatometers were employed. The 
density of each solution was determined at 25° 
by pycnometers of about 30-cc. capacity, and the 
densities of the solutions at other temperatures 
were computed from volume changes measured by 
dilatometers. The volumes of the dilatometers 
were about 110 cc. and the capillaries were 3 mm. 

(1) Harned and Morrison, T H I S JOURNAL, 58, 1908 (1936); Am. 
J. SU., 33, 161 (1937). 

in diameter and one meter in length. The vol­
umes of the dilatometers were determined by 
means of conductivity water. The temperature 
control was better than =±=0.02°. The ther­
mometers used were calibrated against a stand­
ard resistance thermometer. 

In the case of the 82% dioxane solutions, only 
the dilatometers were used. The pure solvent 
was used to standardize the apparatus. The 
densities of the pure solvent, d0, necessary for this 
purpose were obtained from the data of Hovorka, 
Schaefer, and Dreisbach2 by plotting the isother­
mal values against mole fraction of dioxane. 
From these curves, d0 was obtained at 10° inter­
vals from 10 to 60°. By means of Newton's ex­
trapolation formula values of d} were obtained at 
5° intervals from 5 to 45°. 

By these means, density measurements were 
obtained at molalities 0.1, 0.2, 0.3, 0.5, 0.7,1,1.5, 2 
and 3 M in the cases of the 20 and 45% dioxane 
mixtures, at 0.1, 0.2, 0.3, 0.5, 0.7, 1 and 1.5 M for 
the 70% mixtures, and at 0.002, 0.003, 0.005, 
0.007, 0.015, 0.02, 0.03, 0.05, 0.07, 0.1, 0.3, 0.5 and 
0.7 M in the case of the 82% dioxane mixtures. 

Since the results were so voluminous, they have 
been expressed by equations which give the den­
sities, d, at each temperature as a function of the 
molality of the acid. I t was found that a linear 
equation was not sufficient to represent the re­
sults to within ±0.03% except in one case, nor 
were quadratic equations adequate. The best 
simple representation of the results is given by the 
equation 

d = do + am — bml + em log m (2) 

where da is the density of solvent, and a, b, e are 
(2) Hovorka, Schaefer and Dreisbach, ibid., 58, 2264 (1936). 
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