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ABSTRACT

Activity coefficients and equivalent conductances 
have been determined for the electrolytes K^£u(CN)§]•2HgO, 
p[(Me)4^ 4 Mo(CN)8*2B20, Pt{pn)3Cl4*H£>0 and KgPtCCNjq in aqueous 
solutions at 25°C.

The activity coefficients and osmotic coefficients 
were obtained by isopiestic comparison with aqueous potassium 
chloride solutions. The values of these coefficients deter­
mined for the first three electrolytes listed above were 
comparable to those previously found for similar electrolytes 
of the 1-4, 4-1 charge type. The values found indicate that 
these electrolytes may be extensively associated in solution.

Values of the mean distance of closest approach, 8, 
have been determined. The numerical values of these para­
meters vary considerably depending upon the method of calcu­
lation.

The equivalent conductances were also ascertained in 
the hope of determining values for a Independent of the iso- 
piestic method. Such determinations could not be made, how­
ever, since deviations from the limiting conductance equation 
of Onsager were too great. Because of these deviations, pre­
sent methods of determining limiting ionic conductance values 
most accurately could not be used. Values for these constants



were determined, however, by simple linear extrapolation of 
equivalent conductance versus c'̂ i graphs. These derived 
values are 114.9 ohm"l, 118.2 ohm*"-*-, 90.15 ohm“^, 81.2 ohm“^ 
for the polyvalent ions Mo(Cil)Q-^, V/(GH)q **̂ , Pt(pn)^+^ and 
Pt(GlT)^“^, respectively.

Complete evaluation of the conductance behavior of 
these highly charged species must await further mathematical 
extensions of the present theory of electrolytic solutions.

a
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1 - HISTORY
k. Isopiestic Method

The method was first utilized by Bousfield (1, 2) as 
early as 1913. He introduced the procedure as a method for 
determining vapor pressure data in order to determine the 
relative degree of hydration of salts with Identical vapor 
pressures. The method finally adopted after a number of 
trials of various procedures and apparatus was as follows.

Salts or solutions were placed in separate open ves­
sels in a desiccator which was evacuated to facilitate the 
exchange of vapor between soltitlons and maintained at a uni­
form temperature* Under these conditions equilibrium was 
reached by the several solutions gaining or losing water un­
til they arrived at the same vapor pressure. The name "iso­
piestic” was given to these solutions at equilibrium. After 
equilibrium was reached the containers were weighed, and the 
amount of water taken up by each salt was recorded* A small 
quantity of water was then placed in a trough between the 
vessels containing the solutions and the operation was re­
peated. In this way Bousfield was able to obtain a series 
of data for salts In various degrees of hydration and deter­
mine approximately the vapor pressure of water above which 
several pure salts and their hydrates began to take up water.



The vapor pressure data used as a standard for each equili­
brium concentration was that of the lithium chloride solu­
tion*

Since the accuracy of the vapor pressure data obtained 
by this method must necessarily depend on the degree of ac­
curacy of the vapor pressure data known for the reference 
solution, Bousfield (3) began work on determining a standard 
table for the vapor pressure of aqueous sodium chloride 
solutions at 18°G and constructed such a table over the 
whole range of concentrations for this salt.

Sinclair (4) in 1933 attempted to varify the practi­
cability of Bousfieldfs method for vapor pressure measure­
ments* Using approximately equal concentrations of 1 M 
potassium chloride solutions, he found that the amount of 
distillation occurring between the solutions after several 
days was barely noticeable even when the dishes were floated 
on mercury to aid temperature equalization.

Sinclair made calculations on the temperature depend­
ence for the distillation of water from one container to the 
other and concluded that the retardation was due to the 
thermal resistance between solutions, i.e. although in the 
evacuated container all surfaces are at the same vapor pres­
sure, they are not necessarily all at the same temperature. 
Sinclair realized that the times quoted from the work of 
Bousfield for the equilibrium to be reached between solutions
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were dependent on the method of introducing the water for 
each equilibrium run* Bousfield had introduced the water to 
be distilled in a trough at the bottom of the desiccator. 
rfhe distillation then involved was from the trough to the 
solutions over a period of several months, thus avoiding 
the temperature difference set up between the two solutions 
by the latent heat of vaporization which occurs when the 
distillation is directly between the two solutions. Sinclair 
incorporated the following principles in the design of an 
apparatus which would reduce the time required for the at­
tainment of equilibrium and make the method practical. He 
provided good metallic conduction between the solutions in 
order to reduce retardation of the distillation by thermal 
resistance. He accelerated the diffusion of solute and the 
conduction of heat through the solutions, both of which would 
limit the rate of attainment of equilibrium, by stirring 
and the use of shallow solutions.

His general procedure consisted of placing silver- 
plated copper dishes on a copper block into a desiccator.
The desiccator was then evacuated and placed on a rocker 
device in a thermostat. He found that the same set of 
solutions could be used to make as many as five or six 
determinations over a range of concentrations varying by 
about 40 per cent* It was found that the most convenient 
method for varying concentrations and one which facilitated
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the attainment of equilibrium most rapidly was by distilla­
tion of water from the bottom of the desiccator. In gen­
eral, results of Sinclairfs work with potassium chloride and 
sucrose solutions indicated that the method was capable of 
yielding results of high accuracy. His work showed that 
solutions could be brought rapidly into equilibrium in re­
gard to vapor pressure; and, by taking one solution as a 
standard, values for vapor pressure lowering could be ob­
tained with an accuracy of 0.3 per cent or less for solu­
tions of concentration above 0.1 M.

In 1934 Sinclair and Robinson (5) published the first 
paper on the determination of activity coefficients from 
vapor pressure measurements obtained from the isopiestic 
method. Although vapor pressure measurements had been util­
ized previously for the evaluation of activity coefficients, 
the techniques for determining these vapor pressures were 
so elaborate and time-consuming that this type of data was 
seldom used. The principle methods used before that time 
were molar depression of the freezing point, molar eleva­
tion of the boiling point and e.m.f. measurements•

The principle advantage of the isopiestic method is 
its experimental simplicity. The comparative nature of the 
method, however, is a disadvantage, in that the vapor pres­
sure - concentration curve of some reference electrolyte 
must be known with a high degree of accuracy. Hence,
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HobInson and Sinclair compiled and calculated vapor pressure 
data of potassium chloride solutions from various reliable 
sources obtained from as many different methods of deter­
mining these values as was known at that time. Among these 
methods were direct measurement of vapor pressure by Lovelace, 
et al (6), molar freezing point depression by several dif­
ferent investigators, boiling point elevation by Saxton and 
Smith (7) and e.m.f. measurements by Smith (8) and Harned (9), 
Prom these data they constructed a relative vapor pressure 
lowering versus concentration curve by weighting the various 
methods over concentration ranges where they were considered 
to be the most reliable. These final data were checked 
against pure sucrose solutions. The general method involves 
preparing a graph of a function R, defined as

R => Po-F 
poi>i2»

where PQ = vapor pressure of pure solvent
P « vapor pressure of solution 
mp 55 molality of solute dissolved in 

the solution (sucrose) 
against molality of the sucrose solution. The values of 
P0-P at various values of mp were determined by isopiestic

TST
comparison with potassium chloride solutions. These values 
were obtained from the smoothed vapor pressure lowering 
versus molality (potassium chloride) curve.
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The graph mentioned above, when extrapolated to in­
finite dilution, will extrapolate to a constant value of 
0*018015, as seen from the following relation

R - Po-F = Xr = 1______ = _1 as iiiq —^ 0 ,
Poms m2 mi +- m2 ' mi

using Raoults Law: P = FoXi. The extrapolated value com­
pared favorably with the theoretical value above and led 
them to the conclusion that the values of R, selected for 
potassium chloride, were of a high degree of accuracy. This 
paper was the first effort to correlate the existing data 
and thus make available a reliable standard reference salt 
for use in isopiestic measurements.

Having obtained the best vapor pressure data avail­
able at that time, Sinclair calculated the activity coef­
ficients of potassium chloride using the graphical integra­
tion method of Randall and White (33). This method is dis­
cussed below. After obtaining activity coefficients cor­
responding to the vapor pressures of potassium chloride 
solutions, the activity coefficients of the other salts 
were derived by a simplified method.

In 1936 Mason and Gardner (10) adapted the apparatus 
used by Robinson and Sinclair, utilizing the isopiestic 
method to determine molecular weights from vapor pressure 
lowering data. Their apparatus, in general, consisted of 
a brass vacuum desiccator fitted In such a manner that It 
could be evacuated. The solutions under investigation were
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placed in nickel crucibles, and the bottom of the desiccator 
was covered with standard potassium chloride solution to in­
crease heat transfer between crucibles. That year Mason 
and Ernst (11) employed the same apparatus, with the excep­
tion of the use of glass crucibles instead of nickel crucibles, 
and obtained the activity coefficients of lanthanum chloride 
in aqueous solution at 25° C.

In 1938 Mason (12) further modified his apparatus by 
casting his vacuum desiccator from monel metal which was 
thought to be more free of pinholes and easier to make vacuum- 
tight. He also introduced platinum gauze in the bottom of 
his crucibles and found that this innovation decreased the 
minimum time to reach equilibrium by one-half. Belov/ 0.5 M 
he found that the accuracy obtained by using glass weighing 
bottles as crucibles was decreased rapidly. Therefore, be­
low this concentration he substituted similar bottles made 
of sterling silver and heavily gold-plated.

In 1938 Scatchard, et al, (13) modified the method 
of Robinson and Sinclair to give a still greater precision 
to isopiestic measurements. The actual procedure and appara­
tus will not be described at this time but will be dealt 
with in detail in Section 3, Apparatus and Procedures. 
Scatchardfs method was followed closely in determining the 
isopiestic measurements described in this paper.
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B. Conductivity Measurement
On© of the fundamental theoretical problems in elec­

trochemistry has been the process of electrical conductance 
by electrolytic solutions. The earliest studies of the con­
ductivities of solutions were made using large direct cur­
rents and resulted in such large electrochemical reactions 
that these early observers concluded that Ohm,s Law was not 
obeyed by electrolytic solutions. The conductance seemed 
to be dependent on the e.m.f. If Ohm!s Law for metallic 
conductors was obeyed by electrolytic solutions, then the 
resistance and, hence, the conductivity, which is the reci­
procal of the resistance, should be constant for a given 
solution. The resistance should be dependent only on the 
dimensions of the conductor, or in the case of an electro­
lytic solution the area and distance between the electrodes 
of the cell used in measuring the resistance of the solu­
tion, i.e.

R 3 P b  ohms,— T*
where P - specific resistance (a constant)

L 3 distance between electrodes
A s area of electrodes,

and by definition
C = 1 = kA ohms--1',

E L"
where k = specific conductance.
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In 1868 Kohlrausch (14) employed an alternating cur­
rent of about 1000 cycles per second with a Wheatstone Bridge 
assembly in order to reduce the effect of polarization and 
prevent electrochemical reactions. He found that the effect 
of polarization was decreased still ftirther if the electrodes 
were coated with a layer of finely divided platinum black. 
Between 1868 and 1880 Kohlrausch published a long series of 
careful conductivity investigations. These measurements were 
made over a range of temperatures, pressures and concentra­
tions •

To reduce his results to a common concentration basis, 
Kohlrausch defined a function called the Tlequivalent con­
ductivity11,

A. « k 1000 ,
C*

where c"“ = equivalent per liter.
A quantity, was also defined as the equivalent

conductance at infinite dilution. The determination of 
involves an extrapolation of the measured equivalent con­
ductances in dilute solutions to zero concentration. The 
method used by Kohlrausch for the determination of this 
quantity was a plot of A  versus c“» which yields a straight 
line for small values of Such an extrapolation is made
readily for strong electrolytes but is impossible to make 
accurately for weak electrolytes because of their tremendous 
increase in -A- at high dilutions where also the experimental



10

values become more uncertain. It was found that the data 
were fairly well represented by the empirical equation

A s A° - kc*
where k c»is an experimental constant. Kohlrausch also ob­
served that A° was the sum of two independent terms, one 
characteristic of the anion and one of the cation

where A+° an<̂  A -  are the equivalent ionic conductances 
at infinite dilution. This relation is known as Kohlrausch*s 
Lav/ of the independent migration of ions.

After the work of Kohlra^^sch and the introduction of 
alternating current as a method of measuring conductivities, 
many improvements were made in the bridge design by various 
Investigators. These improvements brought to light many 
sources of error in the resistance measurements and, hence, 
cast severe doubts on the accuracy of the results obtained 
with the various instruments then in common use.

In 1928 Jones (15) and collaberators published the 
first of a series of eight papers concerned with the pro­
blem of eliminating errors from alternating current conduc­
tivity measurements. Through these series of publications 
he has made alternating current conductivity measurements 
a highly precise and exacting method.

His first paper on the subject contains an experi­
mental and theoretical analysis of the design of the
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Wheatstone bridge for measuring resistances with alternating 
current. Included in this^ analysis are recommendations on 
the source of alternating current, amplification to increase 
the sensitivity of the detector, shielding of bridge compon­
ents and design of resistance boxes. Of particular interest 
is his introduction of a new method for grounding the bridge. 
By using a modification of a method introduced by Wagner (16), 
which is essentially the introduction of a variable resis­
tance and capacitance in parallel in the ground lead of the 
bridge, Jones was able to eliminate errors which were as 
high as a tenth of one per cent in his resistance readings.
He suggested that the discovery of this source of error 
throws some suspicion on all previous measurements of the 
conductance of solutions. Also of interest is his investi­
gation on the effect that the liquid used for the thermostat 
had on resistance measurements. Since water, the usual 
thermostat fluid, Is a conductor, an error can be intro­
duced In the measurements due to this conductor being so 
near the cell. The quantitative considerations of the 
effects of water as a thermostat fluid were considered too 
difficult to analyze; however, the use of oil seemed to 
eliminate most of the error and was recommended for use in 
all precision measurements.

In a second paper by Jones and Bollinger (17) im­
provements of some components of the bridge over those
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introduced in his first paper are described* Among these 
are suggested improvements in the oscillator and the detec­
tor. Shedlovsky (18), a year later, confirmed the impor­
tance of Jones f improved bridge design but differed in an 
opinion on the use of an unscreened bridge. In this paper 
he has theoretically and experimentally discussed a design 
for an electrostatically screened bridge for precision work.

A third paper, published by Jones and Bollinger (19), 
deals with the design of conductance cells. Of more funda­
mental importance is the fact that this paper repudiates a 
previous publication by Parker (20), who challenged the 
fundamental postulate of the Kohlrausch method for the 
measurement of the conductance of electrolytes, by the obser­
vation that "cell constants" are apparently not really con­
stant but vary with the frequency and resistance being 
measured. Jones attacked the problem of variable cell con­
stants by accurately determining the capacitance in parallel 
with the resistance box in hopes that this capacitance would 
depend primarily on the reactance of the cell and, thus, 
yield some clue as to the nature of the error responsible 
for the "Parker effect". Analysis of the cell reactance 
as a function of frequency, resistance and degree of plati- 
nization definitely led to the view that the Parker effect 
at high resistances was due, for the most part, to a faulty 
design of conductance cells which were in use at that time.
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Specifically, the error which caused the Parker effect was 
due to a series capacitance and resistance shunt built into 
the cell by constructing the filling tubes and mercury con­
tact tubes parallel and much too close together to the cell 
proper. Experimental verification of this analysis was 
carried out varying the construction of the cell. By this 
method they were able to reduce the error in resistance 
readings from the Parker effect in their new cells to less 
than 0.001 per cent. The previous year Shedlovsky (21) also 
investigated the design of conductance cells as a means of 
eliminating the undesirable Parker effect. lie designed a 
four-electrode cell to see whether variations of the cell 
constant would disappear if similar electrodes were included 
in two arms of the bridge during measurement. He concluded 
from this arrangement that if the electrode effect was eli­
minated, then the cell constant was a true constant at vari­
ous frequencies. Although this cell was not as convenient 
for routine work, it was suggested that it could be used to 
calibrate the ordinary two-electrode type.

Shedlovsky (22), following the suggestion of Jones 
and Bollinger, designed and constructed a cell for high 
dilution work which was found to be independent of frequency. 
With very dilute solutions it was found desirable to us© a 
cell of relatively large volume so that increasing concen­
trations could be built up and successively measured without
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risk of contamination from atmospheric or other impurities. 
The cell designed by Shedlovsky differed from those in com­
mon use at that time in that the electrodes were taken out 
of the flask. The leads were thus separated from each other 
and the space between them was, therefore, filled with the 
oil of the thermostat* This design was found to eliminate 
a parasitic current between that part of the leads which was 
emmersed in the solution. With this cell and an extremely 
careful technique for the introduction of solutions he was 
successful in obtaining a consistent accuracy of one or two 
hundredths of a per cent for the relative conductance values 
of several univalent salts.

Part of the Parker effect was deduced to be due to 
polarisation. Hence, in 1935 Jones, Bollinger and Christian 
(23, 24) published two papers concerning platinization of 
electrodes as a method to minimize the effect of polariza­
tion.

The above papers dealt with an analysis of the exact 
nature of the error due to polarization and the factors upon 
which polarization may be dependent. Briefly, the following 
results were found:
1. Polarization resistance is inversely proportional to the 
square root of the frequency;
2, Polarization causes a capacitance in series with resis­
tance which decreases v/ith increasing frequency;
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3. Both polarization capacitance and resistance are depen­
dent upon the metal used for the electrodes and dependent 
to a lesser degree on the electrolyte and the temperature 
but independent of the current density and degree of separa­
tion of electrodes;
4. Platinization of electrodes from a chloroplatinic acid 
solution containing a small amount of lead acetate can re­
duce polarization to a negligible amount. The criterion for 
the sufficiency of platinization is determined by plotting 
the resistance versus the square root of frequency. The 
error due to polarization will be the difference in resis­
tance readings between the highest and lowest frequencies.
It was suggested that, if the error thus determined is neglf 
gible for the purpose of the measurement, then the platiniza' 
tion is adequate. Jones, Bollinger and Christian also sug­
gest that If the solutions to be measured are acid or alka-^ 
line, very dilute, or liable to be influenced catalytically 
by the platinum, it may be advisable to reduce platinization 
or even to eliminate it entirely.

Earlier Jones and Bollinger (25) investigated the 
validity of Ohm's Law for electrolytes* Their interest in 
this investigation stemmed from a paper by Wien (26) in 
which he had recorded meas^lrer:lents of the conductance of 
electrolytes in very strong fields from about 30,000 volts 
per square centimeter up to about 300,000 volts per square
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centimeter and concluded that a real increase in conductance 
with increase in field strength occurs at very high voltages. 
Likewise, other investigators at that time, namely Taylor 
and Acree (27), Krau3 and Parker (28) and Parker (20), had 
also reported variations in apparent resistance readings 
over voltage ranges of the order of 0.2 volts to 10 volts. 
Some of these reported resistance variations were as high 
as 0.13 per cent. Hence, Jones and Bollinger undertook to 
investigate these phenomena to determine if these variations 
were due to experimental error or an apparent failure of 
Ohr^s Law. The results of these investigations demonstrated 
that if adequate experimental precautions were taken to avoid 
errors due to heating, polarization and to secondary effects 
of inductance and capacitance, there was no measurable varia­
tion of the real resistance of electrolytes with variation 
of the applied voltage throughout the range of voltages and 
frequencies suitable for use in the Kohlrausch method of 
measuring electrolytic conductance.

Jones, in collaboration with Bradshaw, next investi­
gated the problem of determining a standard reference solu­
tion for the calibration of conductance cells (29). Potas­
sium chloride was chosen as the reference salt because it 
is easily piirified, nonhygroscopic, sufficiently soluble, 
stable both in solution and in the solid form and nonpoison- 
ous. This salt was first suggested by Kohlrausch and had
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been used most extensively by latter workers in this field 
and, hence, prior usage also influenced Jones1 decision.
He considered the definition of the standard reference of 
primary importance, noting that several definitions were 
commonly accepted at that time. The original Kohlrausch 
definition of gram molecule of potassium chloride per liter 
of solution at 18^C and a relatively newer definition by 
Parker and Parker (30) as a gram molecule of potassium 
chloride per cubic decimeter at 0^3 were felt to be objec­
tionable on the grounds that the atomic weight of potassium 
chloride may be changed from time to time. Hence, he sug­
gested that the definition be stated directly in grams of 
potassium chloride. He also felt that a definition in terms 
of volume was objectionable because in practice it was less 
precise than a definition in terms of weight. A further 
objection was that both Kohlrausch and Parker had specified 
their weights in air instead of in vacuo and, hence, intro­
duced some uncertainty because the buoyancy of air is vari­
able from time to time from one laboratory to another.

With the above objections in mind, he defined a 
standard reference solution of potassium chloride in terms 
of weight in grams per kilogram of solution corrected to 
vacuum.

Because Parker*s work was considered to be more re­
liable than the older work of Kohlrausch, Jones decided to
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retain Parker*s standard concentrations but corrected Tor 
air buoyancy.

Having decided on a definition, he then determined 
the specific conductances of standard potassium chloride 
reference solutions at 0°C, 18°C and 25°C. m e  conductance
cells used in these determinations were previously calibrated 
by using mercury as the reference substance, since the speci­
fic conductance of mercury was known with a high precision.

In regard to a standard reference solution, it is 
pointed out by Robinson and Stokes (31) that practically all 
the recent work has been based on the Jones and Bradshaw 
standards and that these standards should be retained for 
convenience even if future work shows them to be slightly 
in error. They also point out that already one change has 
occurred, in that the international ohm is no longer the 
recommended unit of resistance, having been replaced by the 
absolute ohm which is defined in terms of the fundamental 
units of the e.g.s. electromagnetic system.

The preceeding historical summary on the development 
of conductance techniques is not a complete account of all 
work done in this field; however, it is felt that the major 
contributions have been discussed. The work prior to 1926 
has been slighted to some extent, since it is thought that 
the techniques and instrumentation at this period contained 
so many systematic errors as to make quantitative results 
impossible.
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2 - THEORY
The theory involved in the calculation of activity 

coefficients by the isopiestic method is considered as it 
was historically developed. It can be divided essentially 
into two general treatments, one purely thermodynamic and 
the second based on the modern quantitative theory of elec­
trolytic solutions. The theoretical development that fol­
lows will first consider the thermodynamic treatment,

G-eneral Thermodynamic Properties of Solutions
A partial molal quantity for any extensive thermo­

dynamic property G Is defined by the following expression:
(T J ^ i = / ̂  ̂  \* dnj/ P, T, nx , n2 .. . ,
where G-j_ refers to the increase in total G when one mole
of component 1 is added to an infinite amount of a solution
at fixed temperature and pressure and with the number of
moles, n2, n^ ... , of all other components kept fixed.

If we have a two-component system, we may write any
extensive thermodynamic property G at constant temperature
and pressure as
(2) Ct - f(nlfn2 ).

By using the equation of partial differentiation
(3) d(J - 6 q dn-L + 3 dn2

<$ ni a n2
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or from equation (1)
( 4 )  d .0 r  “  O ' l d n ^  ■+■ ^ ' 2 <̂ :n 2  •

Upon integration of the above equation, there is obtained 
the relationship
(  5  )  Or -  n l G r l  +  n g C x g  •

This eqLiation can be used, to evaluate any extensive property, 
if we know the amounts and the partial molal quantities of 
the constituents. If equation (5) is differentiated, then
(6) dO s n^dGx + §xdnl + n2d02 + %o&n2 ,
'and if equations (4) and (6) are combined, there results
an equation
(7) nqdUx + n2d&2 = 0,
which relates the change in partial inolal quantities, 3, 
at constant temperature and pressure with infinitesimal 
changes in composition. Thus, for changes in partial molal 
free energy due to isothermal changes in composition, equa­
tion (7) may be written as

(8 ) nqdFi + n 2 dF2 = 0  .

The fugacity of a solution constituent is defined as

(9) Fx = RT In fx + B^T),

where R is the gas constant, T is the absolute temperature 
and B is a constant for a given substance at a given tempera­
ture. This equation defines the quantity, fx, called the
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fugacity function. It does not allow for the determination 
of absolute values of the fugacity since it does not tell 
how B]_(T) is to be fixed at any particular temperature. 
Therefore, in order to evaluate the fugacity it must be 
further specified that the function is defined so that

_f — »» 1 as P — 0 ,
P

where p is the vapor pressure above the solution. If v/e 
consider one constituent of a solution at two different 
concentrations at the same temperature, equation (9) may 
be written as

(10) P - p' : ET In f
£' ,

where the primed values indicate the initial concentration.
For convenience, a new term is defined called the 

relative fugacity or activity:

(11) a = f
f° ,

where f is the fugacity in any given state; and f° is the 
fugacity In a standard state, at the same temperature. 

Equation (10) may, therefore, be written as

(12) F = F° + RT In a ,
assuming the initial state of the solution was the stand­
ard state.
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The partial molal free energy, F, has been also called 
the chemical potential,^/ , and, hence, the above equation 
is perhaps written more often In the form

(13) fJ - * RT In a .

In the standard, state the activity is unity, a° = 1,
while In any other state the activity Is given by equation
(13). By utilizing the relation expressed in equation (12), 
we may write equation (0) as

(14) d In ag = -Nq d In aq ,
No

which expresses the activity of the solute, ao, in terms of 
the activity of the solvent, aq. Nq and No in the above 
equation represent the concentration of the solvent and 
solute, respectively, expressed in units of mole fractions.

If we arbitrarily fix the standard state of the sol­
vent as the pure solvent, then the activity of the solvent, 
a-L, can readily be calculated as

(15) ai = P
p0  »

v/here P is the vapor pressure of the solution; and P0 is
the vapor pressure of the pure solvent.

The above expression arises from the specifications
on the fugacity function, i.e.

f — ^  1 as P 0 
P



and the definition of activity, equation (11). Once the 
activity of one component has been obtained as a function 
of concentration, the activity of the other component in a 
binary solution can be calculated from the G-ibbs-Duhem equa­
tion (equation 14).

The activity of the solute can be obtained from 
equation (14) by a graphical integration, i.e. plotting 
Nl/Ng versus log ax and determining the area under the curve.

However, for greatest precision, equation (14) is 
not used as it now stands. The reason for this is that such 
a plot as indicated above will tend toward infinity as in­
finite dilution is approached. Since the infinite dilute 
area is that region where real solutions approach ideal be­
havior, this is probably the most important part of the curve. 
It is also the region of the curve where experimental data 
cannot easily be obtained.

Activity Coefficients by the Method of Lewis and Randall 
Lewis and Randall (32) and Randall and White (33) 

have developed a special graphical method in order to elimi­
nate this difficulty at infinite dilution.

A function, h, called the divergence function, was 
invented and defined as

(16) h = 55.51 In an ■+* 1 , 
0 m
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where m = molality 
&2. - activity of solvent 
0 ~ number of ions dissociated per mole

of solute*
The important characteristic of this function is that 

it will rapidly approach zero at infinite dilution. 
Differentiating equation (16) gives

and upon substitution into equation (14), the Gibbs-Duhem 
relationship, remembering that for an aqueous solution

Ni - 55.51- - n r  ,
there results an expression

(18) d In aP = - dh - (h-l)d In m .
>)

Since by definition

(17) ~ 55*51 d In â _ - 55* 51 In dm m m?

a ±
and

then
d In ag = ^ d In a±

Also since

then In m i  - In m + constant
and d In m£ = d In m
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Substitution of these two results into equation (18), sub­
tracting d In m ±  from both sides, integrating, and changing 
to common logs, yields the desired equation

m
(19) log Yi = - h - 2 h, dins .

2.303 2.303 \ 5a
0 J

The second term can be easily evaluated by plotting
/l 3Lh/ms versus ms and determining the area under the curve.

The advantage of this equation over the original 
Gibbs-Duhem equation is that although an empiricle extrapola- 
tion is necessary, the function h/mF will tend toward a 
finite limit at uus » 0.

Lewis and Randall have indicated that the plot is so 
sensitive, even minute defects in the experimental measure­
ments are very noticeable. They have claimed at the time 
of introduction of this method there was no existing data 
for dilute solutions of sufficient accuracy to warrant its 
full application.

The above method of Randall and White was used by 
Sinclair for determining the activity coefficients of their 
standard potassium chloride solution from the vapor pressure 
measurements of these solutions obtained by the isopiestic 
method.
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The Osmotic Coefficient Concept
An alternate derivation of equation (19), which is 

based on the use of a quantity called the osmotic coefficient, 
was presented by Bjerrum (34) at about the same time as the 
method above was outlined by Randall and White. Bjerrum was 
led to this result by the following reasoning.

In dilute solutions where the solvent is preponderant, 
the activity coefficient of the solvent, Y 1, is subject to a 
practical numerical disadvantage, in that it varies only 
slightly from unity. To obtain a more sensitive measure of 
the nonideality of solutions in terms of the solvent Bjerrum 
Introduced the concept of the osmotic coefficient. For con­
venience, two osmotic coefficients were defined. The ra­
tional osmotic coefficient, g, in terms of mole fraction of 
the solvent, was defined as

(20) jJ x = 1° + S RT In ;

and the practical osmotic coefficient, (J) , in terms of molal­
ity of the solute, was defined as

(2 1 ) M l  = K* 1 ° “ ^ R,ri _  ’
1000

where refers to the sum of the molalities of all ions
present in solution, and is the molecular weight of the 
solvent. This coefficient is equivalent to the van't Iloff
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factor, i, divided by ^ , tlie number of ions in solution 
per molecule of solute.

From the definition of the chemical potential in 
terms of the activity concept (equation 13), it can be seen 
by comparison with the definition of the practical osmotic 
coefficient that for a single electrolyte

(22) In = -(J)0m %
1000

This expression relates the activity of the solvent with 
the practical osmotic coefficient.

It can easily be shown that in dilute solutions (f) 
and g are equal, i.e. the two osmotic coefficients are Identi­
cal.

The immediate Importance of the practical osmotic 
coefficient lies in Its relationship to the mean activity 
coefficient of an electrolyte.

Differentiating equation (22) to obtain d In ai and 
substituting in the Gibbs-Duhem equation In the form

(23) d In ^ m d In ai
1000

leads to the important relationship first derived by Bjerrum 
for the relation between the practical osmotic coefficient 
and the mean activity coefficient

(24) d l n V t  ■ -(1 - <t>) d In m + d(fc> .
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Examination of this equation after integration will
immediately show that if the quantity (1 - 0  ) is defined 
as h, the divergence function of Lewis and Randall, there 
results an equation identical to that of Randall and White,

The osmotic coefficient is readily adaptable to calcinations 
of activity coefficients derived from isopiestic measurements. 
The condition for equilibrium of two isopiestic solutions is 
that the partial molal free energy of the solvent is the same 
in each solution, or from equation

are known over a range of concentrations, the osmotic coef­
ficients of another electrolyte can be derived from isopiestic 
measurements without actually determining the vapor pressures.

termining activity coefficients is a graphical procedure and 
treats the activity concept wholly as a thermodynamic quantity 
which is evaluated from observable properties of a solution.

namely

(85)

where 0  , ̂  , m refer to the experimental electrolyte and 
R» R* mR refer to the reference electrolyte.

The importance of the above relationship is obvious, 
for if the osmotic coefficients for a reference substance

The proceeding method of Randall and White for de-
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This treatment involves no theory, for the activity is de­
fined in terms of the chemical potential by the egression 
^  ~ Po ^  -̂n a * -^s experimental determination depends
ultimately on this definition.

The main difficulty in the method of Randall and White 
involves the extrapolation to zero concentration. Since in 
this region small errors in experimental measurements or in 
the graphic integration affect the value of the activity 
coefficient thus calculated, it is desirable to supplement 
experimental data in this low concentration region with data 
calculated without recourse to experiment from a theory of 
electrolytic solutions.

Such a theory has been proposed by Debye and Huckel. 
Although the theory is severely limited, it is an important 
advance in understanding the nature of electrolytic solutions.

The Debye-Huckel Theory
The modern quantitative treatment for the investiga­

tion of the departure of electrolytic solutions from ideal 
behavior is mainly due to the work of Debye and Huckel. Their 
theory is based on the assumption that strong electrolytes 
are completely dissociated into ions; and observed deviations 
from ideal behavior are, therefore, thought to arise from 
electrical interactions between these ions.

itThis assumption was not original to Debye and Huckel, 
since many investigators prior to their work were of the
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view that the behavior of strong electrolytes in dilute 
solutions could be accounted for by the hypothesis of com­
plete dissociation and an adequate consideration of the 
effects of interionic attraction. Among the first of these 
investigators who were of this opinion were Koyes (1904), 
Sutherland (1906) and Bjerrum (1909), Milner (1912) was 
the first to devise a mathematical treatment for these ionic 
interactions; however, it was exceedingly involved and did 
not give entirely satisfactory results.

General Treatment
itThe essential concept of the Debye-Huckel theory is 

that every ion may be considered as being surrounded by an 
ionic atmosphere of opposite sign.

In general, the theory first involves the formulation 
of distribution functions for the treatment of an ionic solu­
tion in equilibrium. The next step is the calculation of 
the average electrical potential, ^  , of an Ion in solution 
drie to all other ions. This calculation v/as successfully 
made by Debye with the use of Poissonfs equation borrowed 
from the science of electrostatics. Prom the value of , 
the work necessary to charge the ion reversibly to this po­
tential can be evaluated. This work Is considered to be 
the extra free energy of the solution due to the electro­
static Interactions.
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The basic assumptions utilized by Debye and Huckel 
in advancing their theory were:

(a) Only coulombic forces are important in interionic 
interactions; all other forces are negligible.

(b) The dielectric constant of the solution is the 
same as the solvent.

(c) Ions are regarded as point charges. They, there­
fore, possess a spherical coulombic field.

(d) The interionic attraction energy is much smaller
than the energy of thermal motion.

(e) Strong electrolytes are completely dissociated.

The Distribution Function (35)
As previously stated, the idea underlying the modern 

theory of electrolytes is that the presence of any particular 
ion at a given point in the solution will affect the chance
of finding any other ion at a nearby point; that Is, the space
distribution of ions cannot be entirely random.

Let two volume elements dVi, equaling dxi*dy^*dz^, 
and dVg, equaling dx2 *dy2*dz2 ' in the solution be located 
by vectors r^ and r2 drawn from an arbitrary origin. The 
second Is located from the first by the vector

= r2 “ rl = -rl2 •

2

FIGURE 1
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It is postulated that the presence of an ion of a given 
species will affect the ionic concentrations in its vicinity.
This is indicated by writing nj^ for the time average con­
centration (ion per cc) of i-ions in the neighborhood of a 
j-ion in dV^ and for j-ions in the neighborhood of an
i-ion in dVg. These concentrations will, in general, depend 
on several variables,

(a) They will depend on the distance r between the 
i-ion and the point where the concentration of 
the i-ion is sought, and vice versa;

(b) When forces act on the ion, a particular direc­
tion in space is specified; and njj_ or n^j will 
then depend on the direction of r.

Prom consideration of the volume elements shown in Figure 1, 
a distribution function can be defined as

(27) fjjji*!, r21) = r21) = nini<j(r2, r12) = fij(r2, r12).

This relationship indicates that f i s  the concen­
tration (ions per cc) of i-ions at a distance rg, from the 
j-ion multiplied by nj, the number of ions per cc of the 
kind j, located in space by r^. Prom the above, it is seen 
that f.j£ is the concentration of the i-ions in the atmos­
pheres of nj ions of the kind j.

In the above function nj and n^ are known; however, 
and n^j must be found from further statistical considerations.
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Prom the physical picture created above, every ion 
can thus be thought of as being associated with an ionic 
atmosphere of opposite sign. The net charge of the atmos­
phere will be of equal magnitude to the charge of the ion.
In an electrolytic solution, undisturbed by external forces, 
the field around an ion is the same in all directions and 
is, therefore, a function of a distance, r, and not the 
direction. The ionic atmosphere will possess spherical 
symmetry, and the charge density of the atmosphere will de­
crease with increasing distance from the central ion. For 
a solution in which the ions are in equilibrium, it is as­
sumed that the Maxwell-Boltzmann distribution function for 
particles in a field of varying potential energy is applicable.

Utilization of this distribution function will give 
the concentration of an ion in the neighborhood of another 
ion as
(28) n-ji = e ^jei/kT
and -u^e^/kT

nij = n j e 3

where n^ and n^ are the total number of i and j ions, respec­
tively, in a unit volume of solution, e^ or ej is the charge 
on the i or j-ion, respectively, or is the time aver­
age of the electrical potential in the center of the volume 
element, k is the Boltzmann constant, and T is the absolute 
temperature.
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The product ^j©! in the exponential function of the 
above relationship is equivalent to the potential energy of 
the central ion, which in this specific case is an i-ion.
This potential energy is equal to the work required in charg­
ing the i-ion in a field of potential ^  j • This reasoning 
is based on the assumption that the average force acting on 
the i-ion is given by the potential of the j-ion. This is 
equivalent to assuming a linear superposition of the fields.

These distribution functions are an average value for 
the concentrations of the i and j-ions diminished by the 
Boltzmann factor. The Boltzmann factor is a relationship 
between the coulombic tendency to bring unlike charges to­
gether and the thermal tendency to mix all ions regardless 
of sign.

Determination of the Potential Function
Prom electric field theory we know that a system of 

electrostatic charges gives rise to an electrostatic potential.
An ion of charge e^ in a liquid of dielectric constant 

D possesses an electrical potential e-j_/Dr at a distance r 
from the ion.

In a solution containing an electrolyte, ionic atmos­
pheres are formed, and the fields of the ions derivable from 
the potential are assumed to superpose. The potential due 
to the ion and its atmosphere is defined as ^  ,
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In a medium containing electrical charges subject to 
coulombic forces, the relationship between the charge den­
sity*/5* end the potential is given by Foissonfs equation 
as
(29) = - 4TTJ*

In terms of spherical coordinates this equation may be 
written as

1 \ ,r2 d V  »r2Q( ^  J = _ 4 TT f>
£ v D '" .

Because of the symmetry properties of the specialized point
charge problem, the terms involving and j/£0 are
equal to zero.

The above equation states that at any point in the
medium located by three space coordinates (ri, (J) ̂, ©  i ), the
total outward flux of the force at this point is proportional
to the charge density at this point.

The charge density at some point in the electrolytic
medium, i.e. in the unit volume located at a distance r
from the central ion, can be formulated as

s
=]T e Zjnji . 

i=l
Upon substitution for njj_ according to the Maxwell-Boltzmann 
distribution function and expanding the two exponential series
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in the above expression and assuming that the magnitude of 
[eiifj/kT] 2 and higher terms are negligible compared to unity, 
there results
(33) JPa - - e^Jj ^ n i z i 2 ,

kT J ial
where nj_ and z± represent the number (per unit volume) and 
valence of ions of the i type. The summation is taken over 
all kinds of ions in solution. In the above formulation we 
have arbitrarily chosen the central Ion to be the j-ion.

The above assumption is valid only when the potential 
energy zie^j of the i-ion is small compared to its thermal 
energy. This is true for ions in dilute solution, where the 
central j-ion is separated by large distances from all other 
ions In solution. However, In concentrated solutions the 
ions are more closely packed, and this approximation is not 
valid.

In a sense, we have abandoned the Boltzmann distri­
bution when we make this approximation; and in its place we 
have substituted a linear distribution function

(33a) nji = n± (1 - ei4^)
kT

This above assumption is very important in evaluating 
the Debye-Huckel expression for ions of higher unsymmetrical 
charge type in solution. However, it is necessary in order 
to validate the previous assumption of superposition of 
electric fields for ions in solution. This latter assumption
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requires that ionic potentials be additive. Since the ionic 
potential is directly proportional to the charge density of 
an ion according to PoissonTs equation, then a two-fold in­
crease in the charge density necessitates a two-fold increase 
in ionic potential. This requirement could not be met if 
the Boltzmann distribution function is retained in an expo­
nential form. In fact, this requirement can only be met if 
a linear distribution function is used.

function it is assumed that higher terms than of the order 
of one are negligible. This will introduce an error on the

'* For ions of symmetrical valence type z± = zj and 
n^ = nj, this error is not introduced since all even powers 
of vanish in expanding the Boltzmann function. This 
factor accounts for the superior quantitative agreement found 
between experiment and theory with these types of electrolytes.

Is substituted into Poisson^ equation, there is obtained 
the relationship

In converting the Boltzmann distribution to a linear

magnitude of [eiyj/kT]s in the final calculations.

If the value of '-f'j, as formulated by equation (33),

(34)

where
(34a)
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The above differential equation has the general 
solution
(35) Vjj j a Ae" ^  B e ^

r r
but from definition 4 ^ 3 “^ O  as r - ^ 0 0  and, therefore, B 
must be equal to zero; and the solution becomes ijJj = Ae -Kr 

r
The constant A can readily be evaluated (31) and is of the 
form
(37) A = ze eK^

D 1 + Kg ,
where a represents the minimum distance of approach of any 
ion to the central ion. Thus, the total potential of the 
central ion can be expressed as

(38) “ ze
D 1 > K g  ~1T~ .

For an isolated ion in a medium of dielectric constant D, 
the potential at a distance r from the central j-ion would 
be

Vj = Dr .
If the principle of linear superposition of fields is valid 
for ions in solution, the actual potential of the central 
ion would consist of the sums of , the potential of the
isolated j-ion, and V 5 ' f, the potential of the j-ion, due 
to the surrounding ions. This being the case, then the 
total potential function Vi as given by equation (38) can
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be divided Into two -parts:

(39) 1 = Zi*e
Dr

and
V  j "  = f e_Kr-i 1Dr [_ a J

The above formulation of j1 * gives that part of the poten­
tial of the central j-ion due to the surrounding ions for 
any distance r from the central Ion. However, at a distance

t 1of r = 8 no other ions can penetrate and the potential j 
is, ther< 
at r = 8
is, therefore, constant for all r< a and equal to its value

(40) H V  = - zie K .
-ft- * m s  .

Determination of the Work Required to Charge an Ion to 
a Potential j

The free energy of a solution containing ions may be 
considered to be made up of two parts

F = F(ideal) + F(elec), 
where F(ideal) is the free energy of an ideal solution at 
the same concentration as the ionic solution, and F(elec) 
is the free energy due to the electrical interaction of the 
ions •

Upon differentiating with respect to nj, the total 
number of ions of the j-th kind at constant temperature and 
pressure, there Is obtained
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a.g = ^F(ideal)+ 
$n3 *nj ^ F(eleo)

*n 3
or
(41) ^  J = /-* j ( ideal) -t ^j(elec) ,

where p j is the chemical potential of the j-th ion and by 
definition is

The activity, a j, can be defined as the product Xjfj where 
Xj = the mole fraction of j-th ions and fj is a correction 
factor known as the activity coefficient, which is a char­
acteristic function of a j-th ion in the given solution. 
Hence, equation (13) may be written as

For an ideal solution in which there is no electrical inter 
action between ions

Therefore, upon comparison with equation (41)

(43) ^-(elec) = ^ F (elec) = kT In fi .
J <*n ;j

Prom a knowledge of the electrical potential on the surface 
of an ion due to its ionic atmosphere, it is possible to 
calculate the work required to charge the ion to this extra 
potential due to electrical interactions between the ions.

(13) fJ j - j° + kT In aj

(42) H j “ ^  3° * ln x j ■+■ ln •

(J j (ideal) ~ jj j° + kT In Xj .
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Ignoring the possible smal1 volume change in the charging 
process, this work can be identified with the electrical 
free energy of solution.

The work required to charge the ions to this extra potential 
may be formulated as

The charging process may be considered in several ways; 
however, the simplest method was devised by G-untelburg (36).

by adding the discharged ion j to an assembly of the remain­
ing ions in solution which already have their full charges 
and then gradually increasing the charge of j from zero to 
zje. By substituting Vo (ej) as expressed by equation (38) 
into the above equation and performing the indicated opera­
tions an expression is obtained for the activity coefficient 
f* in terms of known or derivable quantities, i.e.

V(elec) = AP(elec)

(44)

In this method the charging process is brought shout

(45) log fj » - N z ^ e 2 l

where B = 23/%Tr'ie ,
( 1 0 0 0  ijKT)a

S
i=l
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Since it is not possible by any experimental method 
to evaluate the activity coefficient of a single ionic spe­
cies, the Debye-Huckel equation cannot be tested in the above 
form. However, it is possible to derive an expression for 
the mean activity coefficient, this being the quantity that 
is obtained experimentally.

For the general case of an electrolyte, M$+Ag" , which 
dissociates in the following manner

a mean activity coefficient, f+may be defined as

(46) f t ) 1^  
where

o = i>+ + »).
From this definition of ft in terms of f+ and f-, the Debye- 
Huckel equation can be written as

(47) log ft = - A
1 + aB fJ*

where „A = 1.823 x 10b""( dV ) V  ~
B = 35.57^

(DT)»

Activity Coefficients by the Method of Smith
A largely analytical method based on the Debye-Huckel 

theory was introduced by Smith (37). He formulated the
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Debye-Huckel equation in terms of the osmotic coefficient. 
This was done by utilizing equation (24), the relation be­
tween osmotic coefficient and activity coefficient derived 
by B 3 err urn, in the form of

(48) d In Xt = I d  fm(l - <p )7

and the expression for the Debye-Huckel extended law in the
form
(49) log X± = ----- ? St—1 + A 9

—where sm(f) = Z+Z-A dos *

A*m = §B d0i ,
d0 = density of the solvent.

Substitution of equation (48) into equation (49) will yield

(50) d Cm (1 - (J) )7 = km'^dm
* 2 ( 1  + A m m's) 2

where k = 2.303 Sm(f).
Integration of equation (50) gives

(51) 1 - (b = krn̂  ( 5 fl + A* ma - 2 In ( H - A ^  ma -
3 I A * 3mS/2

t i
1 +• A m m^

or (52) 1 - (J) = km»
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The function d , defined by equation (51), can be expanded 
to the form
(53) * = fl _3n_ (- A'm ms')11-1 ,n=l n + 2
and substituting the value for k into equation (52) yields

(54) X - (f) = 0.7676 .

Smith used the above equation plus an added term,
Bm/2 , to represent the data at high concentrations:

(55) 1 - (J) = 0.7676 Sm (f )<fmi + jBm.
This expression was used to represent experimental values
of (1 -({)) as a function of concentration.

The first term of equation (55) has been shown to be 
derivable from the 33ebye-Huckel theory, but the second term 
is an empirical correction in which the constant B is chosen 
to fit the experimental results in the more concentrated 
solutions.

The experimental values of (£> , calculated from iso­
pies tic measurements, equation (26) may be smoothed by plotting 
the deviation,A(J)* defined, by

(56) A 0  = - (I -<!>) + 0.7676 Sm (r )imS' * iBm

against m or mi* Numerical values of A fm and B are chosen 
so that the deviation is not large at any concentration.

Substituting (1 - (J)), as defined in the above equa­
tion for the deviation function, into 3jerrumfs equation,
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equation (24), and integrating we obtain
m

(57) In y± = - 2*505 Sin( f ) mi - Bm + C  A<t> dm + A<t> •
1 + A 'm mi 0^ m

The two terms containing A(t> are evaluated graphically.

Extension of the Method of Lewis and fl/hite in Dilute Solutions 
Prom equation (25), which is identical to that of 

Lewis and White, but in terms of the osmotic coefficient, we 
can complete the plot of 1 -(p/m? versus ms from about 0.1 m 
to infinite dilution by using the Debye-Huckel extended equa­
tion in the form
(58) (1 - (b) = 0.7676 Sjnff) .

mi
However, in order to use the above equation, it is

necessary to evaluate A fm in order to calculate d . A*m
was defined as . i

A m = 8 b dj .
Since a is usually unknown, a value of A*m is selected

by trial which will make equation (58) fit the experimental
data at the lowest concentration. Using this value for A fm
the above equation will then allow the calculation of values
for (1 -Ct>)/m4‘ in that region where experimental values cannot
be obtained accurately.

The Onsager Conductance Equation
The interionic attraction theory was also applied by 

Debye and Iiuckel (38) to the electric conductivity of solutions.
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A more exact mathematical treatment was later developed by 
Onsager and Puoss (35), The theory presented here will fol-

i
low closely the quantitative treatment developed by Onsager 
and Puoss.

The fundamental physical concepts upon which the 
mathematical theory was developed are as follows.

If an ion is moved through the solution by means of 
an external field, it will tend to move away from its atmos­
phere. However, the displaced ion will still attract the 
lagging atmosphere which will continue to form around the 
ion as it moves. The formation of the ionic atmosphere will 
take a certain time. This finite time is termed the time of 
relaxation of the ionic atmosphere. Thus, because of this 
finite time, the density In front of the ion will be somewhat 
smaller than the equilibrium value, while behind the ion it 
will not yet have fallen to its equilibrium value. Hence, 
during motion there will always be a somewhat greater elec­
trical density behind the ion than in front of it. This 
will result In an asymmetrical charge distribution superim­
posed \ipon the original symmetrical ionic atmosphere. Since 
the ion and its atmosphere are always of opposite charge, 
there results a force which tends to oppose the motion of 
the ion. This effect has been termed the asymmetry effect.

A second effect which opposes the motion of an ion 
under the influence of an external field is the electro­
phoretic effect. This phenomenon arises in the following
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way. When an ion or its associated solvent molecules move 
in a solution under the influence of an applied potential, 
there is an opposing force which tends to move the ionic 
atmosphere and its associated solvent molecules in a direc­
tion opposite to that of the ion. Hence, the ion is not 
moving relative to a stationary solvent but.relative to a 
solvent streaming in the opposite direction. This effect 
will be concentration dependent since the distance between 
the ions is of importance.

The problem of conductance was treated by Onsager as 
a problem of ions migrating in a general homogeneous field 
of forces; that is, external forces kj_, kj (per ion) acting 
on ions of species i and j, respectively, and a balancing 
force kQ
(59) nok0 = - - njk j
acting on the molecules of the solvent.

He has shown through thermodynamic arguments that 
this system of forces is equivalent to an arbitrary combina­
tion of a homogeneous electric field 3 = - and uniform 
concentration gradients Vn^jVnj, subject to the restric­
tion of electrical neutrality

e±vn± ©jVnj = (ni©i + njej) =A 7 (0 ) = 0  >

the same as those caused by the system of forces kc, k-j_,
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Electrophoretic Effect
The electrophoretic effect is due to a volume force 

operating in the liquid that surrounds an ion. If the aver­
age concentration cf j-ions is nj, the average applied force 
on the ions contained in a unit volume of solution is

nik i + n Jk j “ n <r * 
where <T indicates summation. This force is transferred to
the nQ solvent molecules per unit volume of solution, and
the equilibrium condition can be written

n^ + n0k0 = 0 .

The force acting on the ions in an element of volume dV near 
a j-ion is nj<r k<j dV because the presence of a j-ion changes 
the average concentration of i-ions in dV by electrostatic 
interaction. The force on the solvent remains n0k0 dV, and 
the net force acting on dV is

(60) (njtf ktf + n0k0 )dV = (nj^ - n* ) k* dV

in spherical coordinates (j-ion at origin), dV = r2drdH. so 
that the force acting on a spherical shell of solution at a 
distance r from the central ion is

(64) F = 4TTr2 (ny - n^ ) k^ dr .

The force is uniformly distributed over the shell and is in
the direction of the applied force k. This distribution of
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forces is the same as that acting on a solid sphere of radius 
r moving through a liquid of viscosity  ̂ . Therefore, Stokes* 
Lav/ is applicable:
(62) v = F

6 tt r ,
and a force. F, applied as above, will cause all points in the 
interior of the spherical shell to move v/ith the same velo­
city, v.

In order to calculate the force density, the quantity 
(nj^ - n^ ), must be obtained as a function of r.

This quantity can be evaluated from the expanded 
Boltzmann distribution function in terms of Debye *s ionic 
potentials. Having obtained this quantity, and using Stokes* 
Law, the total velocity of the entire ionic atmosphere can 
be formulated as
(63) v-j = - 2  ejef k*-

3  DkT K(l+ K&) *

For an electrical force where kj - Xê _ and Ka is small (di­
lute solutions), substitution of the definition of K, equa­
tion (34a) in the above expression yields

(64) Vj = - Xe-j K
6  tt lr\ >

which is tiie formulation for velocity of the medium in a 
direction opposite to the motion of the central j-ion under 
an external force Xej.
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The Equations of Motion
The factors that cause the ions to move can be reduced 

to three: (a) forces on the ions, (b) thermal (random) mo­
tion, and (c) flow of solution. The forces which influence 
the ions may be external (outside electrical field), and 
internal (concentration gradients and electrostatic forces 
due to the presence of the ions themselves). If the mobil­
ity of an ion Is Wj, , then a force, K±t acting upon it will 
produce a velocity equal to K^wi. Mobility as used above 
is defined as reciprocal of the frictional resistance of the 
medium on the moving ion; w^ = i// , where p  Is the coef­
ficient of friction. This definition comes about from the 
fact that an object moving through a continuous medium en­
counters a retarding force which is proportional to Its 
velocity, the proportionality constant being equal to p  .

If the diffusion constant for an Ion Is taken to be 
kTw, then a concentration gradient V  f will produce a current 
strength -kT w7f. Since this current is equal to vf (velo­
city x concentration), the diffusion velocity is -kT wVlnf. 
If we neglect any actual flow of solution, then we can formu­
late the total velocity, Vjj_ and Vj[j at a point located by
r2 and r^, respectively, as

(65) v - = wi(Kji - k T V 2  In f jj_),
and, similarly

vi j = wj<Kij * k T 7 x  In f ij ).
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The Time Rate of Change of the Distribution Function
The time rate of change of the distribution function 

was obtained by Onsager by determining the difference be­
tween the influx and outflow of ions for any pair of faces 
for an imaginary six-dimensional element of volume. The 
treatment i3 essentially the same as that used in describing 
the kinematics of moving fluids. From this treatment there 
is developed an equation of continuity,

(66) (rx, r21) = Vx* (fijVij )+ V2* ji) = (r2, r12),
^ t ^ t

where Vjj_ s the velocity of an i-ion in the neighborhood of
a j-ion,

Vjl = Vji (rx, r21).
Similarly,

vij = (r2, r12)
and the quantities fj_j and fj^ are defined by equation (27).

Perturbation of Ionic Atmospheres
When a force acts upon a solution of an electrolyte, 

there will exist a preferred direction and both the distri­
bution function and the ionic potentials will become asymmetric. 
Therefore, it is possible to write

Y j  = V ' f 1,1' r21>+Y03 (r)
(67) ,

= f r 2 1 )tf°3i (r) ,
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where the primed terms represent the small changes brought 
about by the perturbation (perturbation terms).

If it is assumed that the applied forces are small, 
then the perturbation terms will be proportional to the force. 

The asymmetric addition to the potential ^  ' j is re­
lated to f*ji by the Poisson equation

V 2 Vj = -=-4JL I  r'.u »i
1 n j

Since the perturbing force sets up an irreversible process 
in solution, the distribution is no longer given by the 
Boltzmann equation. Therefore, the general condition, equa­
tion (73), must apply since v-ĵ  no longer gives an average 
of zero. If a linear superposition of the potentials and 
charge densities is assumed for the asymmetric addition terms, 
it is possible to compute the field due to two ions. For the 
total force Kjp acting on an i-ion in the vicinity of a j-ion 
we have
(68) Kji = ki - y'i (0) - ei V 2  IfljCri, r2l) >

where k-j_ is the applied external force, -e^7 2 V'i (0) -̂s 
the force on the I-ion due to the i-ionfs own atmosphere 
(the potential at the point occupied by the i-ion, r = 0), 
and -e-^y 2  y  j (rq, r21^ ^ne **orce on i-ion due to the 
potential of the j-ion and its atmosphere (with the j-ion 
taken as the origin).
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If one substitutes the total force, as expressed
> above, into the equation of motion (equation 65), multiplies 
by *̂ji> and takes the divergence, then

(69) V 2(f;j1vJ-i) = V 2* jwi(fjiki - eifjiV2 (°) -
- kTVgfji)] •

The applied force k^ is constant and, therefore, the 
term V2*^i = 0 when the above expression is expanded. Ac­
cording to Debye and Huckel the potential of an undisturbed
Ion and its atmosphere is ui°̂  = ej_ e“^  .

T 1 D r
Hence, the term in the above expression involving 7 g  ^'i(O) 
may be neglected since it is of the order of e ^  while the 
other terms are of the order e-j_. The fj^ in the -e-^fj^ 
term can be replaced by njn^ since f - n^n-j^e^, according 
to the expanded Boltzmann distribution function, and the 
term already has a coefficient of e^#

Since V 2 n jni zero> then this term will reduce to 
V  2* eiwin jni ̂ 2  • Upon making these reductions, the
above equation reduces to

(70) V2(f = wi<ki* V2f jD " ®iwinjni7 2* 7 2 H*] ~ wikT72*
72*31-

Similarly,
ViCfijVij) = Wj(kj* Vifij) - ej\TjHjni7i* 7 x ^ i

- wjkT7i*7xfi3 .
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If one substitutes the perturbation terms for f 
-^ijj^i arK̂  Vj ^ ese equations, noting that for k^ = 0 
or kj » 0, = 0 or - 0, the steady state terms f°
and y  o must cancel one another. And, If one substitutes 
these resulting expressions into the general equation of 
continuity, there is obtained a final equation of continuity 
specialized to suit the problem of irreversible processes 
in electrolytic solutions, namely

(71) - rgx) rli3) = wi(kf V 2f jj.)
a t

+ Wj(kj* - e i W i n p i V g ' ^ g j  - ejwjnxnjVx* V  i V \

- WikT V 2- 7 2f ' jl - wjkTVx* V xf 'xj .

As mentioned earlier since the external forces are 
of a small enough magnitude, i.e. the electrolyte is in an 
alternating field of such a low frequency, the charge dis­
tribution in the ionic atmosphere at any moment will cor­
respond to the Instantaneous velocity of the ion. For such 
a specialized case, it is possible to approximate f in the 
first two terms of equation (71), by f°. Likewise, because 
the external force is constant, then f a n d  fjj do not vary 
with time and

- r 2 l) = 0  •
At
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The Asymmetry Effect
This effect can be evaluated with the aid of the 

general equation of continuity, specialized for the case of 
a stationary field (constant external force)

(72) w^(k^* y  2^° ji) + wj (k j • V °i j ) - ©iwfnjnjL'N? 2* ̂ 2  V* j 

" ejw 3nin 3 ^ 1 #V l

- w^kT V  2 * V  ji " Wj kTVi^Vqf ij = 0  •

The first two terms of this equation contain the perturbing
factor k, and the last four represent the asymmetric con­
tributions to potential and distribution thereby produced.

Prom consideration of the symmetry conditions, r^2 =
- i*2l» an(̂  ^ c 171 t̂ie definition

V  = _i_+ Jl_+ or V =^y £z £ x  ,
considering only the rate of change along the direction 
of the applied external force, it is possible to reduce the 
above equation to

(73) (Wikji - Wjkj) a f°jj - eiwininj V 2*V 2 <|/J + ejwjninj V 1*7 1 f i

- (wi + wj)kT 7  2* V 2f 1ji = 0

For the specialized problem of a single electrolyte which 
yields two ions, i and j, in a stationary field, the general 
procedure for the calculation of the asymmetric addition to
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the potential of the ion is obtained in the following manner.
By means of the Poisson equation

v 2  y'j ■= - - * L  I  si f ’ji

The asymmetric addition to the distribution function may be 
eliminated from equation (73). Also, by means of equation (27), 
which defines the steady state distribution function, we can 
eliminate f°jj_ from this equation. If kj. and kj are replaced 
by Xej_ and Xej, where X is the X-component of the external 
field, and since v'i = v  j from the condition of electrical 
neutrality of solutions the above equation will reduce to

(74) (7 • V  )2 M/'i - Kj2 V*V<JM = n  (e"^)
1 <^x r ,

where
K a2 = q*K2
q'"“ = ©jWj - e-jwi 

(e j-ei) (wjtwj,)
and ^ = Xe j e j_

DkT
Integration of this equation yields

Prom this result the field strength (the divergence of the 
potential) A  Xj at the central ion j (r = 0) due to the per­
turbation of the atmosphere is
(7 5 ) A X j  = e-jei ( q* )KX .

3DkT 1 + q'"'



57

General Equation for the Conductance of an Electrolyte which 
Dissociates into Two Kinds of Ions

Prom this calculation of the effect on the potential
of the central ion by an asymmetric atmosphere superimposed
on the original symmetrical atmosphere and the effect of
electrophoreses on the velocity of the central ion, a general
formulation can now be derived to represent the conductance
of an electrolytic solution.

The total field acting on the central ion is X t
and because of the electrophoretic effect, the velocity of
the ion in the x-direction will be less than ejWj(X+- A-X j ).
It will, In.fact, be

(76) Vj = X(ejWj + A  xjejw j - ejK ) >
X 6 7T

upon introduction of the previously calculated counter-current 
velocity AVj. The mobility, uj, is the velocity of the Ion 
under a potential gradient of unity, i.e. one volt per cen­
timeter.
(77) uj = |VjJ

X
or in practical units, volts,

^  = i [ lejl wj+ 453 eo wj - Ifili
° 0 0  L STTfl

In the limit of low concentration, the interactions
between ions may be neglected and the mobility will depend 
only upon the resistance offered by the solvent. Thus, the



mobility of an ion at infinite dilution in practical units 
can be formulated as

The ionic conductance, A j * proportional to the 
ionic mobility, uj. The proportionality constant is equal 
to F, the Faraday

If these above equations and K, as defined in equation (34a) 
are substituted for the mobility uj, there is obtained

This equation can be simplified by introducing the value of 
AXj/X derived for the asymmetric potential, equation (75), 
and evaluating the constants. Likewise, an identical equa­
tion may be derived for the i-ion. Addition of the two re­
sulting expressions will give an expression representing 
the conductance of both kinds of ions in the electrolyte

(78) 1

(DT)s

(79) a  = a ° - srb
where
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This can be written In terms of molar concentrations, since

P  = c
For the special case of the conductance of an electrolyte 
in an aqueous solution at 25°C, the resulting expression is

(82) A. = A.° - (<*'"+ 0'"7V°) ci ,
where

«** - 0.2289 w Q,
<3 = 60.19 w*

and Q, = ,
0.2929 (1 + q'“a‘)

ZjZg|(|ZiZ2 |0)52
w “ = ( |Zil + |Z2t )(>! |Z!Z2| )*

2 2
q*'5- Is as defined by equation (81)
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3 - APPARATUS AND PROCEDURE

I* Preparation of Compounds
A. Preparation of Potassium Tetracyanoplatinate (II),

K 2 Pt(CN) 4 (39).
Preparation of Hexachloroplatinic (IV) Acid Hexahydrafre : 

Platinum metal is dissolved in aqua regia and evaporated to 
dryness upon a hot plate. The residue thus obtained is 
dissolved in hydrochloric acid and evaporated to dryness 
three times to insure complete removal of the nitric acid, 
after which it is dissolved in water and filtered. The 
filtrate is evaporated on a hot plate, and the last traces 
of water are removed by drying over sulfuric acid in a 
vacuum. The product thus obtained is the red-brown hexa­
chloroplatinic (IV) acid 6-hydrate, HgPtClQ-SHgO.

Preparation of Platinum (II) Chloride, PtClp, (40):
10.6 grams of HgPtClg-OHgO is dissolved in 50 milliliters 
of water. 1.07 grams of solid hydrazine 'dihydrochloride 
are added in small portions to the solution. There is an 
effervescence with each addition. The total time of addi­
tion is approximately five minutes. The resulting cherry 
red solution is warmed until bubbling stops, filtered and 
evaporated to dryness on the. steam bath. The chocolate 
brown residue is dried for twelve hours at 112°C and then
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pulverized, after which, it is dried for four more hours at 
150°C . These drying operations remove the hydrogen chloride. 
Unreduced platinum (IV) chloride and the remaining traces 
of HgPtClg are removed by warming the solid on a steam bath 
with 1 0  milliliters of water and decanting through a filter. 
This decantation is repeated four times, and the product is 
poured on the filter with the last extract. It is then 
washed with a few milliliters of cold water and dried at 
1 1 0 °G for two hours.

Preparation of Potassium Tetracyanoplatinum (II).
KpPt(CIO a » The PtClo Is added slowly over a long period of 
time t<) a cold concentrated solution of potassium cyanide. 
Since there is a violent reaction at the surface of the re­
action mixture which may cause some spattering, the PtClg 
is added in small portions. The reaction mixture is heated 
to boiling and filtered. The solution is then placed in an 
ice bath. At this temperature yellow, needle-shaped crystals 
of ICpPt (ON )4 # SHgO are formed. The salt thus obtained is 
purified by repeated recrystallization from an aqueous 
medium. The crystals are collected on a filter and dried 
over phosphorous pentoxide in vacuo. The desired product 
is the white dehydrated K2 Pt(CN)4 .

B. Preparation of Tris(1,2 -propylenediamine)platinum (IV) 
Chloride Monohydrate, Pt(pn)3 Cl4 ’HgO (41).
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A solvit ion of 10 grams HpPtClg • OHgO, prepared as 
described above, in 50 milliliters of absolute ethyl alco­
hol is made. Ten grams of 1,8 -propylenediamine monohydrate 
is added to the above solution which has been placed in an 
ice bath. At this point a yellow precipitate of C^HeCNHs^PtClg 
appears. The reaction mixture is then placed on a steam 
bath for approximately one-half hour. Next, the solution 
is removed and cooled. It is then filtered and the preci­
pitate is washed with a mixture of 50 per cent ethyl alcohol- 
50 per cent ethyl ether and then with pure ethyl ether. The 
product is dissolved in water and recrystallized. Several 
recrystallizations are necessary in order to obtain the pure 
product. A yellow colored impurity of much greater solubil­
ity than the desired product concentrates in the filtrate 
after each recrystallization. The desired product is pure 
white and is colorless upon dissolution. The salt is slightly 
soluble in water and also slightly soluble in absolute ethyl 
alcohol. It is dried at room temperature and is not hygro­
scopic .

C. Preparation of Tetramethy 1 ammonium Octacyanomolyb- 
date(IV) Dihydrate, [N( CII3  ) 4 I4 M0  (C N ) Q . 2H20 .

Preparation of Potassium Octacyanomolybdate (IV) 
Dihydrate. K4. [ M o ( C N ) 3 « (42): Fifty grams of molybdenum (VI) 
oxide, M 0 O3 , is dissolved in a solution of 40 grams of
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potassium hydroxide in 100 milliliters of water. To this 
solution, 250 milliliters of hydrochloric acid is added 
and placed on a steam bath. A concentrated solution of 
potassium thiocyanate is added slowly with constant stirring.
The resulting deep red solution is diluted with 300 milli­
liters of water and left on the bath for two hours, with 
constant stirring. The solution is filtered while warm, 
and pyridine is added until a yellow solid begins to separ­
ate. The mixture is placed in an ice bath until the red 
oily product has settled out and becomes very viscous. The 
supernatant liquid is decanted, and the product is washed 
twice with water.

The oily pyridine compound is treated with 200 grams 
of potassium cyanide in 300 milliliters of water. The pyri­
dine compound dissolves, giving first a green and finally a 
yellow-brown solution. The solution is heated on a water 
bath with constant stirring for one-half hour. A black 
residue is filtered from the solution and the filtrate is 
evaporated until its volume is reduced approximately 50 per cent. 
The solution is cooled and the crystals are collected on a 
filter.

The crude product is dissolved in a minimum amount of 
water at 70°C. Activated charcoal is added to the solution 
and filtered. Ethyl alcohol is added to the filtrate until 
a yellow crystalline solid separates. Three such recrystalli­
zations will yield a 100 per cent pure product. The product
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is analyzed by oxidation to Mo"*"̂  by a standard cerium sul­
fate solution with tris(o-phenanthroline) iron (II) ion as 
indicator.

Preparation of Tetramethylarmaonium Octacyanomolyb- 
date (IV) Dihydrate, riI(CH.O/UMo(CN)a«2Hc>0; A weighed 
amount of K4^o(CN)q] is dissolved in the least amount of water 
at room temperature. A calculated amount of silver nitrate 
is added to the solution with constant stirring. The preci­
pitated Ag^ [Mo(CK)el ’^HpO is filtered and rapidly dried. A 
weighed amount of this salt is added to a solution of tetra- 
methylammonium bromide, NtCIIg^Br, from which silver bromide 
separates. The solution is filtered through an asbestos 
filter. The filtrate consists of a solution of £n( 0 1 1 3)4 ^ 4  

Mo( C'dyg* 2Hr>0 . This product is separated with the addition 
of absolute ethyl alcohol, filtered and dried in a desicca­
tor ove r b ar ium ox ide.

D. Preparation of Potassium Octacyanotungstate (IV)
D ihy dr a t e, K4  £// (C N ) g|* 2 H 2 O .

Preparation of Potassium Tungstate, KqWQa : ’Water
is added to 2 0 0  grams of potassium carbonate until it just 
dissolves at approximately 40°C. Tungsten (VI) oxide, 7YO3 , 
is added in small portions. Each addition is made after 
the previously added portion has completely dissolved. The 
addition of WO3  is stopped when the milky white precipitate
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first formed no longer dissolves after three to four minutes. 
During the addition the temperature is gradually raised to 
just below 100°C. Care is taken near the boiling point 
since at that temperature carbon dioxide is evolved violently. 
The solution is then cooled in an ice bath, yielding white 
crystalline KgWO^.. This product is filtered and recrystal­
lized. Recrystallization is necessary because the product 
retains potassium carbonate very tenaciously.

Preparation of Potassium Hexachloro-fJ-trichlorodi- 
tungstate (III), K̂ 'hV^CIq (45): A slurry of 50 grams of
K2 WO4  in 20 milliliters of water is prepared. The slurry 
is added with vigorous agitation to one liter of concen­
trated hydrochloric acid which has been heated to approxi­
mately 90°G, After the addition of the slurry, the solu­
tion of K 2 WO4  in concentrated hydrochloric acid is cooled 
to 70°C and saturated with anhydrous hydrogen chloride.

Thirty grams of metallic tin are added to the solu­
tion, and the solution is allowed to stand at room tempera­
ture for approximately one and a half hours. The solution 
goes through the following color changes: dark blue, red 
violet, and finally green-brown. When the solution reaches 
the red violet stage, the rate of reduction may be increased 
by warming the reaction mixture to approximately 45°C. The 
solution is cooled to 0 °C and saturated with anhydrous 
hydrochloric acid for approximately three and a half hours.
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It is then left for two days at 0 °C, yielding a light green 
crystalline product. This product is purified by dissolving 
this precipitate in water and precipitating by the addition 
of a saturated solution of potassium thiocyanate.

Preparation of Potassium Qctacyanotungstate (IV) 
Dihydrate, K4. p//( ON)r|* 2HpQ (44, 45): A solution of 20 grams

^(WgClg) in 150 milliliters of water on a water bath is 
gradually mixed with 65 grams of pulverized potassium 
cyanide. The solution becomes red In color and is evaporated 
for about one and a half hours on the water bath. The 
potassium chloride precipitated during evaporation Is fil­
tered off while the solution is still hot and the precipi­
tated potassium chloride is washed with cold water. To 
this, a concentrated cadmium sulfate solution is added and 
digested with weak acetic acid upon a water bath. Dirty 
yellow crystals of Cdg [w( CN )qJ|* 2 H2 O are precipitated. This 
product is filtered and dissolved in concentrated NH4 OH.
The yellow jcd(NH3)4j2 V/(CN)8"2 H2° separates when this 
solution is saturated with gaseous NH3 . This product is 
filtered and converted to Cdo (GN)sj*SHgO by the addition 
of one to two per cent sulfuric acid. This product is con­
verted to K4 |w(CN )b} 2 HgO by reacting it with a calculated 
amount of potassium carbonate. The K4 |w(CN)q|-2 H 2 0  is pre­
cipitated by the addition of absolute ethyl alcohol.
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II • Isopiestic Measurements
The apparatus used was very similar to that used by 

Scatchard and Wood (13). A detailed description of the 
actual construction is given in a paper by Brubaker, et al 
(46). An exception to the apparatus described in the above 
paper is that platinum crucibles and covers were used in­
stead of gold-plated copper crucibles.

The general procedure is as follows: The platinum
crucibles were dried and weighed. Pour crucibles were used 
for each run, two containing the reference salt, potassium 
chloride, and W o  containing the salt whose osmotic coef­
ficients were to be determined. The salts were weighed 
directly in the crucibles for all weights larger than 0 . 1  

grams. For weights smaller than 0.1 gram, standard potassium 
chloride solutions were prepared of various molalities. The 
desired amount of solution was introduced into the crucibles 
from a weight burette, the exact weight being determined by 
the difference in weight of the burette before and after 
introduction. The molecular weights of the salts to be run 
were of such a magnitude that at least 0 . 1  grain could be 
weighed directly Into the crucibles for even the lowest 
concentrations. The preparation of standard solutions of 
these compounds was deemed undesirable because of the pos­
sibility of a photochemical reaction occurring during the 
storage of these solutions.
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For all rims in which the dry salt was weighed dir- 
ectly into the crucibles at least 1 milliliter of water was 
added. The crucibles containing the solutions were then 
placed into the vacuum bomb. Five drops of water were added 
to the bottom of the bomb to compensate for water vapor lost 
during evacuation and to displace air from the interior of 
the bomb. The bomb was then closed and evacuated through a 
glass bulb of approximately the same volume as the bomb.
This procedure was used to control the evacuation and thus 
prevented possible bumping spattering of the solutions in­
side the bomb at reduced pressures* The bombs were evacuated 
until the pressure read on a monometer, included in the 
evacuation system, corresponded to the vapor pressure of 
water at room temperature. . At this point the bomb was evacu­
ated through the bulb ten more times to insure complete re­
moval of air within the bomb and to allow, any oxygen adsorbed 
in the water of the solutions to diffuse out and be removed. 
The last ten evacuations were done slowly over a period of 
approximately one hour.

The evacuated bomb was then placed in a constant 
temperature bath controlling at 24.978 —  0.005°C. The time 
required to reach equilibrium varied, depending upon con­
centration of the solutions. Solutions whose molality ranged 
from 0 . 5  m to 1 . 2  m were allowed to remain in the bath for 
48 hours. Solutions below 0.5 m in concentration were kept
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in the bath from one to two vi/eeks. After an appropriate 
length of time the bomb was removed from the bath, opened, 
and the crucibles were capped and weighed. Equilibrium was 
considered reached when the calculated molal concentrations 
were found to agree within three parts per thousand between 
duplicate samples.

After each run a small amount of v/ater was added to 
each crucible which was then placed back into the bomb and 
the entire process was repeated. Thus, in many cases, one 
sample weighing was sufficient for two or three equilibrium 
values. This process of diluting and redetermining equili­
brium concentrations was found to be feasible until approxi­
mately 4 milliliters of water had been added. Larger amounts 
of solvent than this greatly increased the time to reach 
equilibrium, and this process was no longer practicable.

III. Conductance Measurements
A. The A. C. Bridge and Resistance Measurements:

The resistance measurements were taken with an 
alternating current conductance bridge. The bridge design 
is essentially the same as that given by Jones and Bollinger 
(17, 19). The basic circuit is sketched below.
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The condition of balance for the alternating current bridge 
is as follows:

In terms of alternating current, Ohm*s Law will take 
the form of V - IZ, where Z is the impedance of the circuit. 
Z^ is equal to + X^, where R and X are the resistance 
and x’eactance of the circuit, respectively. The condition 
of balance, i.e. when there is no flow of current through 
the detector, will be

Ilzl = 132*3
3-2z2 I4 Z4  .

Since there is no flow of current between points A and B, 
then ii must equal Ig and 13  must equal I4 , so that

It can be shov/n that, if the resistances are also to be 
balanced, it is necessary that

Xi r XQ and X* = X4
Hi RS 4 .

which simply means that not only the amplitudes of the vol­
tage at points A and B must be equal but the voltages must 
also be exactly in phase with each other at these points.

The reactance, X, of the circuit depends on the fre­
quency as well as the capacitances and inductances in the 
circuit. Hence, the reactance is kept deliberately small 
in all portions of the bridge; and, in particular, the in­
ductive reactance is kept as small as possible by preparing
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the ratio arms R3  and R4  as identical as possible in resis­
tance and construction.

In the other bridge arm Rp and Rg, the reactance is 
maintained small by connecting a variable capacitor Cq in 
parallel with Rq which, upon adjusting, will allow the ratio 
of Xq equal to the ratio Xg, where Xo is the parallel

Ri Rs
capacitive reactance inherent in all conductance cells.

The parallel RWg, CWg combination included in the 
ground leads shown in Figure 2 is called the Wagner ground. 
This special method of grounding assures the detector to be 
at ground level and prevents a possible charging current for 
any capacitance which may be set up unavoidably between 
detector and ground. Such a current would upset the proper 
balance of the bridge and prevent a sharp null-point to be 
observed.

The oscillator used for this work was designed to 
give five different audio frequencies over the range of 
400 cycles/sec. to 5000 cycles/sec., and the detector used 
was an oscilloscope. The complete bridge system used was 
constructed by students of the Physical Chemistry Department 
under the direction of J. L. Dye. The schematic electrical 
circuit and details of construction for this system have 
been included in a paper by Faber (47).

The general operational procedure for talcing resis­
tance readings with the above system was as follows:
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The cell was introduced into the bridge (Hg-Gg in 
Figure 2), and the bridge was balanced by adjusting the 
variable resistance and capacitance R]_ and Cq, respectively. 
This is done with, switch S, in the position of the fiill line 
indicated in Figure 2 . The switch S is then changed to the 
ground position indicated by the dotted line. The variable 
capacitance and resistance CWg and RY/g were then adjusted to 
give a minimum signal on the oscilloscope. Switch S is then 
returned to the full line position and balance is again ob­
tained by varying R^ and G]_. These steps are repeated until 
there is no adjustment required when switch S is varied be­
tween ground potential and the potential at 3. The resis­
tance reading for R^ is then recorded and the entire proce­
dure is repeated at a different frequency. The frequency 
dependence of Rq is explained in detail in the section 
dealing with polarization of electrodes.

B. The Conductance Cells:
The conductance cells used for low concentration 

readings were constructed from a one-liter erlenmeyer flask 
and a Leeds and Northrup type A conductance cell. The cell 
was designed by J. L. Dye and is similar to that used by 
Daggett, et al (48). It differs from the above-mentioned 
cell in that a side arm is included which may be opened or 
closed by a stopcock, and an air outlet has been included in
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the cap which is also controlled by a stopcock* These modi­
fications were incorporated so that the conductance water 
could be introduced into the cell directly from the distil­
lation apparatus.

C. Platinization of Electrodes:
In order to eliminate polarization effects by the 

alternating current, the electrodes of the conductance cells 
are coated with a layer of finely divided platinum black.
The platinization is carried out by electrolysis of a solu­
tion containing about 3 per cent chloroplatinic acid and 
0.02 per cent lead acetate. Hie lead acetate seems to faci­
litate the depositing of the platinum black in a finely 
divided, adherent form* The platinizing current is about 
2 0  amperes and the polarity is reversed every 1 0  seconds 
for about 40 seconds.

The effect of platinization can be seen in the vari­
ation of resistance with frequency. As was previously men­
tioned, the resistance variation Is a linear function of the 
reciprocal of the square root of the frequency. When 
this variation of resistance from the lowest frequency,
400 cycles/sec., to the extrapolated value at oo cycles/sec. 
was greater than 8 - 1 0  ohms, the electrodes were replatinized; 
and the cell constant was recalculated.
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D.‘ Constant Temperature Bath:
During resistance measurements the cell Is ernmersed 

in a constant temperature bath set at 25.00 +  0.015°C. 
Transformer oil is used as the fluid. Water is unsuitable 
since there is danger of current leakage leading to errors 
in the resistance measurements.

B. Preparation of Conductance Water:
Distilled water, due to the presence of dissolved 

impurities, is not suitable for conductance measurements for 
very dilute solutions. Many of the impurities may influence 
the ionization or may even become Involved In chemical com­
bination with the electrolyte being studied. Therefore, it 
is not just a simple matter of subtracting the conductance 
of the water used from the total conductance observed. The 
procedure for the preparation of conductance water was 
essentially that used by Vogel and Jeffery (49). This pro­
cedure Is as follows: A solution of approximately 15 grams
of sodium hydroxide and 15 grams of potassium permanganate 
is prepared from four liters of demineralized water. The 
water is then distilled from this solution through a glass 
packed colume and collected in a flask. The 7/ater thus ob­
tained is then transferred to another distillation apparatus 
through which a current of nitrogen is continuously flowing. 
The water is distilled into a flask still under a nitrogen 
atmosphere from which it may be transferred directly to the



7 5

conductance cell by means of a Teflon tube. Such a transfer
is made by closing of the nitrogen outlet on the storage
flask and allowing the nitrogen to force the water from the
flask to the cell. The water prepared in the above fashion
has a specific conductance of approximately 0 . 6  x 1 0 ”®

— 1  ■»ohm” cm” at 25°C. Variations in the above conductance 
value may occur usually depending on the time of storage 
before transfer. The major impurity in the above water is 
dissolved carbon dioxide.

P. General Procedure:
All glassware in which the solutions to be run were 

contained were cleaned with soap and water. They were then 
rinsed from 1 0  to 2 0  times with warm distilled water and 
finally steamed with conductivity water. After the steaming 
process the glassware was drained of all remaining water and 
dried in an oven at 120°C.

Solution concentrations were first determined from 
weight measurements. For concentrations higher than 0.01 N. 
the dry salt was weighed directly into a 1 0 0 -milliliter 
volumetric flask. Water was then added up to the mark and 
the total weight was then determined. Lower concentrations 
were then prepared by transferring various weights of the 
original stock solution to volumetric flasks which were then 
diluted to a total volume of 100 milliliters. The solutions 
thus prepared were then transferred directly from the flasks
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to the cell for measurement of resistance. For concentra­
tions below 0 . 0 1  N a stock solution was prepared as indicated 
above and then transferred to a weight burette.

The alternating current bridge used is limited to 
accurate resistance readings from 30,000 ohms to 2 0 0 0  ohms. 
Therefore, in order to cover the concentration range from 
0  to 0 . 1  N, it is necessary to use a cell with a small cell 
constant for the most dilute solutions and cells with higher 
cell constants for the more concentrated solutions.

In general, three cell3 were used for the resistance 
measurements. One of the cells which has been designated 
as E- 2  is used for concentrations ranging from 0.1 x 1 0  N 
to 2,5 x 16“® N. It has a cell constant of approximately 
0.3 cn“^. A second cell designated as E-3 is used over the

•Z 7range 2.5 x 10 N to 10 x 10"° N and has a cell constant 
of approximately 1.0 cm“ *̂. The third cell designated as 
E-l is used for concentrations greater than 0.01 N. Its 
cell constant is approximately 30 cm”’-*-.

For measuring resistances of dilute solutions one of 
the erlenmeyer type cells, E-2 or e -3, w as used. The cell 
was first drained of any water it contained and then dried 
at 120^ for three hours. The dry cell was cooled and a 
small amount of Dow Corning High Vacuum Orease was applied 
to the stopcocks and the ground glass cap joint. It was 
weighed and the conductance water was introduced into the
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flask directly from the distillation apparatus by increasing 
the nitrogen pressure. The conductance water should not be 
too warm or vapor condensation will occur inside the cap of 
the cell and will remain throughout the run. The cell and 
water were weighed to determine the amount of water. The 
cell was then rotated gently in order to mix thoroughly any 
impurities which might have remained in the conductance cell 
even after cleaning. Care was taken not to allow the water 
to touch any greased joints. The cell was then placed In 
the oil bath and allowed to reach temperature equilibrium. 
Twenty minutes was sufficient In most cases. During this 
time the resistance of a standard resistance, which was pre­
viously ©miners ed, in the oil bath was determined. The stand­
ard resistance was then connected in parallel with the cell 
and the total resistance of the parallel combination was 
obtained. This value was determined at the lowest frequency, 
400 cycles/sec. The cell was then removed from the bath and 
the water v/as again mixed thoroughly and the cell was replaced 
in the bath. The cell was allowed to reach temperature 
equilibrium and the resistance was again determined. These 
processes were repeated until there was no change in resis­
tance upon mixing. Mien a constant value is thus obtained, 
the resistance readings were then recorded throughout the 
entire frequency range. By this method the resistance of the 
water can be determined using the relation,
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^H2 0  = ^stdRtotal
Rstd*“Htotal •

Having ootained the value for* the resistance of the water, 
the cell is removed from the bath and a line leading from 
a nitrogen cylinder was attached to the side arm of the cell* 
•Yith the nitrogen flowing the stopcocks of the cell were 
opened, and the cap was then removed* A small amount of the 
solution whose conductance was to be determined was then 
added from a weight burette. The cap was replaced, stopcock 
closed and the cell was removed from the nitrogen line and 
replaced in the bath after mixing thoroughly. Thus, by the 
addition of successive small quantities of the electrolyte 
the concentration is gradually built up and the resistance 
at each concentration is measured as previously explained.

For the higher concentrations, above 0.01 N, the cell 
E-l was used. The stock solutions, prepared as previously 
indicated, were added directly to the cell from the volume­
tric flasks in which they were prepared. Before addition, 
however, the cell was rinsed with the solution to be run. 
After its resistance was measured, a new portion of the 
same solution was added and the resistance was redetermined.

G. Determination of the Densities of Solutions:
The solutions whose conductances were determined had 

been prepared in terms of molal concentration units. Since 
the conductance relations are formulated in molar or normal
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concentration units, it was necessary to determine the den­
sity of the more concentrated solutions. The density 
determinations were made with a pycnometer, the volume of 
which was determined in the following way. The pycnometer 
was filled with conductance water and immersed in a constant
temperature bath at 25 io,05°C. The contents were allowed
to reach equilibrium, the overflow cap was removed and any 
excess water wiped off. The cap was replaced and the pycno­
meter was wiped dry and weighed. The recorded weight was
corrected to the weight of water in vacuo, and the volume
was calculated using the density of water in vacuo.

After calibration, the density of several of the solu­
tions prepared for high concentration conductance calcula­
tions was determined as above. A graph of molality versus 
density was constructed, and the densities could be deter­
mined graphically at any concentration (Appendix III).

Ii. Determination of the Cell Constant:
The cell constant was determined in the following 

way. A standard solution of potassium chloride was pre­
pared of such concentration that several readings could be 
taken over the resistance range from 2 0 , 0 0 0  ohms to 2 , 0 0 0  ohms. 
The additions were made, and the readings were taken according 
to the method previously described. The equivalent conduc­
tance for each concentration was calculated with the aid of 
the equation
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-^V - /\° - S c ' s-l- A c" log c‘“*+'3 cw ,

where -/\°= 149,87
A = 31,8
3 = 144
c“' = concentration of solute in terms 

of normality.
The above constants were taken from Earned and Owen (54), 
Upon determining the equivalent conductance, the cell con­
stant was determined by using the relations

y \  = ancl LR = k ,
C*"'

where L = the specific conductance
R - the observed resistance
k =■ cell constant.

The average of a minimum of five concentrations were used 
with a maximum allowable deviation of — 0.05 per cent.
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4 - RESULTS AND DISCUSSION

It was the purpose of this project to prepare high- 
charged electrolytes, specifically the 4 -1 , 1 - 4  or 4 - 2  

type. Not only was the charge type important but the in­
vestigation of their behavior in aqueous solution necessi­
tated that they be of rather high solubility and unreactive 
with respect to the solvent. This last restriction severe-

/ly limits the possible electrolytes to be investigated to 
those of the coordination.type compounds. This comes about 
due to the fact that a high charge carried upon a small ion 
usually creates a high enough charge density to distort the 
water dipole past its breaking point. Thus, the Ion may 
enter into chemical combination with the oxygen of the sol­
vent to form oxide or hydroxide containing ions. This prin­
ciple of relieving the charge density on the central ion Is 
inherent in coordination type compounds except that It Is 
brought about without a solvent Interaction.

In coordination compounds the high charge on the 
central ion is relieved by rearrangement of the electronic 
levels due to the close proximity of the surrounding ligands 
with the possible formation of dative-pi bonds. The sur­
rounding ligands also sufficiently screen the central ion 
so that the solvent molecules cannot approach closely enough
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for possible Interactions. Thus, the central ion of a co­
ordination compound can exist with a high charge but may 
have a lov; enough charge density to remain in the solvent 
without any strong interactions such as hydrolysis. How­
ever, it is quite possible that the ligand may react with 
the solvent or even be replaced in the coordination sphere 
by the solvent. Because of this, the choice of ligand is 
of great importance.

It was thought that the best starting point for stable
/4-1 electrolytes would be with the platinum (IV) amine com­

plexes. Initial interest centered upon chelate type ligands.
The chelate compound is that type of coordination compound 
in which the central ion is jointed to two or more donor 
groups of a single molecule or ion* Qualitative observa­
tions of these compounds have shown them to be of exception­
ally high stability In many cases. In general, it has been 
found that the greater the number of points of attachment 
of each ligand to the central metal Ion, the greater the 
stability of the complex.

Spike and Parry (50) have done some quantitative work 
on the chelate effect and have found that the chelate effect 
for nontransition metal ions Is almost entirely an entropy 
effect, but that for transition metals it is in part an 
enthalpy effect. The entropy effect simply means that if 
equal concentrations of a monod5_ntate ligand (coordinates
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at one point) and a bidintate (coordinates at tv/o points) 
were used for a reaction with a particular metal ion, there 
would be twice the chance for reaction with the bidintate 

than the monodintate. The enthalpy effect observed 
for transition metal ions is considered to be due to a gain 
in crystal field stabilization energy which is not observed 
for the nontransition metals. The crystal field stabiliza­
tion energy is an increase in bonding energy brought about 
by the preferential filling of certain d orbitals with the

/electrons of the metal. In particular, those orbitals di­
rected away from the electrostatic field of the ligands are 
lowered energetically and, thus, would contain the metal 
electrons while those orbitals directed at the ligands will 
tend to be of a much higher energy and void of electrons.
Such an arrangement will result in a much more stable sys­
tem than a system In which the electrons have a random dis­
tribution, which would be the case for the normally degener­
ate d levels. For nontransition metals the d levels are 
either completely empty or completely full. In these cir­
cumstances the d levels are only slightly affected by the 
ligand fields; and, thus, there would be no crystal field 
stabilization affect.

The attempted synthesis of some platinum-amine com­
plexes of the chelate type has been previously reported (51).
These were the tris-substituted coordination compounds
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8 # 2 * -bipyridine (bipy), phenanthroline (phen) and the hexa- 
substituted pyridine(py) with the platinum (IV) ion.

However, none of the above compounds were isolated.
Recently Martin and ‘tfaind (52 ) have described the ultraviolet 
and visible absorption spectra of the tris-(bipyridine) com­
plexes of rhodium, cobalt and iridium. Of particular inter­
est is that they report the absorption bands for the rhodium 
complex at 240 mg, 505 my, 318 my, 490 my and 530 my (the 
last two bands have been assigned as characteristic of the

/
metal ion). The highly colored filtrate from the reaction 
mixture of PtCl4  and molten bipyridine, as previously reported, 
gives absorption bands at 287 my, 297 my, 320 my,487 my 
and 527 my. Such close agreement between these absorption 
spectra may well indicate that it is possible to form the 
tris-(bipyridine )platinum (IV) complex in solution but that 
decomposition to lower substituted complexes may occur during 
the crystallization process.

Initial interest centered on these particular amines 
not only for the suspected stability due to the chelate 
effect with the bipyridine and phenanthroline molecules but 
also for the possible gain in stability through formation 
of coordinate double bonds in resonance with the aromatic
rings•

It was decided to prepare a 4-2 electrolyte from a 
metathetical reaction of silver sulfate and tris-(ethylenediamine)
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platinum (IV) chloride or tris-(1 ,2 -propylenediamine)plati­
num (IV) chloride. Both chlorides had been previously pre­
pared .

The tris-(1,2-propylenediamine)platinum (IV) sulfate 
was formed and identified. However, this compound was found 
to be unsuitable for study since an apparent hydrolytic 
reaction occurs in solution by the formation of an insoluble 
brown residue when an aqueous solution of this salt is allowed 
to stand for one to two days. This hydrolytic reaction was 
noticed to occur even in the absence of light.

The preparation of tris-(ethylenediamine)platinum (IV) 
sulfate was attempted; however, it was never obtained. In 
every case the product was a mixture of an insoluble brown 
residue and a soluble white compound. This mixture could 
not be separated as it was formed with each recrystalliza­
tion proced^̂ re. Since the hydrolytic phenomena is not ob­
served with solutions of the chlorides of these complexes, 
it is suspected that the sulfate ion may be competing with 
the amine molecule as a chelating agent. This explanation 
seems doubtful In view of the fact that the tris- (ethylene- 
diamine) cobalt (III) sulfate can be formed and is quite 
stable in solution. However, the higher charge on the 
platinum Ion may be a deciding factor in the difference of 
stability of the complexes.
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It was decided to obtain isopiestic measurements 
for the tris-(1,2-propylenediamine)platinum (IV) chloride 
in an effort to clear up the inconsistency observed in the 
R, the distance of closest approach, values obtained from 
isopiestic measurements with the tris-(ethylenediamine)plati- 
num (IV) chloride and the tris-(ethylenediamine )platinum (IV) 
perchlorate (53, 60).

Since the solubility of the 1,2 -propylenediamine com­
plex was extremely low, an attempt was made to prepare the 
tris-(1,3-propylenediamine) complex in the hope of obtaining 
a more soluble compound. The reaction was run identically 
to the 1,8 -propylenediamine reaction. The product isolated, 
however, was not the tris-(propylenediamine)platinum (IV) 
but, instead, the bis-(propylenediamine )platinum (II) chloride. 

The 1-4 type complexes prepared were the IC4JW(GIST)3 ] and 
[W(M© 4  j} 4 Mo(CN)0 . The activity coefficients had been deter­
mined for the IC4  [Mo(CN)s] 5 however, it was felt that the 
effect of a large cation on Its solution properties would 
be of interest.

These compounds are known to be photosensitive and, 
therefore, the physical measurements were made as soon as 
possible after standard solutions were prepared. While 
handling these solutions, they were kept away from fluorescent 
lights. Of particular interest is that conductance measure­
ments. made with these electrolytes after cleaning the
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electrodes with aqua regia showed a definite time dependency. 
This time dependency was not in evidence before cleaning and 
the conductance data reported below were obtained at this 
time. A similar time dependency during conductance measure­
ments of the electrolyte K^FefCNJe has been reported. How­
ever, these compounds must be stable toward hydrolytic 
reactions as evidenced by the reproducibility of conductance 
and isopiestic data.

Treatment of Isopiestic Data
Activity coefficients were calculated by either the 

method of Smith or the method of Randall and White.
Calculations based on Smith*s method involving the 

relation
i m .

In ft = - 2.303 - Bm+ C  A<P dm +. A(p
(57> l + A V ' m *  ” J  m

0

where (̂J) = - (1 -(|))obs+ 0.7676 S ^ f ) ^  my 4- J-Brn
were made first since this method was considered to have a 
more theoretical significance than the relation of Randall 
and White•

The osmotic coefficients obtained from the isopiestic 
method were first plotted as a function of ms. These graphs 
served two purposes. First, they were used to give indica­
tions of whether or not equilibrium had been obtained in all 
samples, since this function Is very sensitive to experimental 
error. Secondly, they were used to smooth out experimental
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error in the osmotic coefficient determinations. A smooth 
curve was drawn through the experimentally determined points; 
and using such a curve, the osmotic coefficients were de­
termined as a function of molality.

The Debye-Huckel relationship as a function of the 
osmotic coefficient and with a linear term to represent 
data for higher concentrations can be written as

1 - (t) = 0.7676 + i B a & .
ms

The term 1 -̂ (1) was plotted as a function of mi". Since 6
ms

is a function of an arbitrary parameter §, it' is first ad­
justed until the value for 1  . calculated from thems
above relationship, agrees with the experimentally deter­
mined value of 1  - (D at the lowest experimental concentra-

ms
tion. Having determined an approximate value for this 
parameter, calculated values of 1  -n(|) were plotted as a

function of mi”. The difference in 1 -/l) fs between thesems
icurves was plotted as a function of . This graph should 

be a straight line with a slope of J-B, if the linear term 
jBm is a suitable function to represent experimental data 
at higher concentrations. Having obtained a value for the 
function B, the value of a was then varied until osmotic 
coefficients calculated from equation 57 show the smallest
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deviation from the experimentally determined coefficients. 
Once the values for these parameters were known, then the 
activity coefficients could be determined directly from 
equation 57. The integral in equation 57 was evaluated 
by determining the area under the curve of a graph ofA(j)/m 
versus ra (Figure 3).

All of the electrolytes investigated in this paper 
could be treated by this method up to a concentration of 
approximately 0.2 m. However, this represents such a small 
portion of the total experimental concentration range for 
most of these electrolytes that the method of Randall and 
White was used for the determination of the activity coef­
ficients for all of the electrolytes reported here except
Pt(pn)3 Cl4 *H2 0 .

The method of Smith could be used successfully 
throughout the experimental concentration range for this 
electrolyte. Values for the parameters 8  and B derived 
from this method are given in Table I.

TABLE I 
Parameters for Equation 57 i

Electrolyte 
':ll4//(GN)8 

* [ll (Me ) 4 ] 4 M 0 (CN) 8  

Pt(pn)3 Cl4  

*K2 Pt(CN) 4

2.40
B a (angstroms) 

7.09
2.52 4.85
4.24 8.11
1.36 7.18

'"'Valid for a limited concentration range only
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A comparison of observed and calculated osmotic co­
efficients for Pt(pnJ^Cl^HgO are tabulated below.

TABLE II
Isopiestic Molalities, Observed and 
Calculated Osmotic Coefficients of 

Pt(pn)5 Cl4 *H20
Molality 4^calc Oobs
0.0556 0.6755 0.6719
0.0665 0.6548 0.6546
0.0678 0.6523 0.6517
0.0831 0.6233 0.6350
0.1047 0.5865 0.6191

Values for smoothed activity and osmotic coefficients for 
this electrolyte as a function of concentration are listed 
in Table III.

In the method of Randall and 'Ahite the relation
(58) Inn = - (1 -<t>) - 2 r (1 - CD) cl iri

rJ meu
is used. The first term in the above relation can be ob­
tained graphically at any concentration from the graphs of 
1 - (J) versus mi. The second term is evaluated by determin­
ing the area under the. curve of a graph of 1  -■,(]) versus

ms
i , consisting of the experimentally determined values of 

down to the lowest concentration (upper portion ofms
the curve In Figures 4 to 6 ) and the calculated values of
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Grâ l. i gt.I Procedure for Gvuloot 
in th- jJi t ' ,n of &

.ptô ral
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TABLE III
Smoothed Activity and Osmotic Coefficients

at 25°C
K̂ JvV ( CN )gj ( Me 4M0 ( CN) Q

m tt 0 r± 0
0.01 0 . 4 1 9 0 . 8 5 4 0 . 3 5 9 . 0 . 7 5 3

0 . 0 2 5 0 . 2 9 5 0 . 7 6 8 0 . 2 5 2 0 . 6 8 5

0 . 0 5 0 0 . 2 1 6 0 . 6 8 3 0 . 1 8 4 0 . 6 3 8

0 . 0 7 5 0 . 1 8 0 0 . 6 5 1 0 . 1 5 5 0 . 6 1 2

0.10 0 . 1 5 9 0 . 6 3 2 0 . 1 3 6 0 . 5 9 6

0 . 2 5 0.111 0 . 5 7 2 0 . 0 8 5 9 0 . 5 4 2

0 . 5 0 0 . 0 8 0 8 0 . 5 4 1 0 . 0 6 1 2 0 . 5 2 4

0 . 7 5 0 . 0 6 5 3 0 . 5 3 6 0 . 0 5 1 5 0 . 5 5 1

1.00 0 . 0 5 7 8 0 . 5 4 8 0 . 0 4 6 8 0 . 5 8 1

1.10 0 . 0 5 3 7 0 , 5 5 5 0 . 0 4 5 1 0 . 5 9 2

1 . 2 5 0 . 0 5 1 5 0 . 5 7 1 0 . 0 4 4 0 0 . 6 1 0

1 . 4 4 0 . 0 4 2 6 0 . 6 3 1

1 . 5 0 0 . 0 4 7 8 0 . 6 0 4
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TABLE III, continued -

Pt(pn)3 Cl4 KgPt(CN )4

m Y± <t> r± 0 )
0 . 0 1 0.429 0.786 0.756 0.937
0.025 0 * 350 0.737 0.672 0.907
0.050 0.258 0.683 0.612 0.882
0.075 0.213 0.643 0.573 0.867
0 . 1 0 0.177 0.621 0.545 0.857
0.25 0.470 0.823
0.50 0.402 0.795
0.75 0.365 0.782
1 . 0 0 0.337 0.768
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1  from this point to infinite dilution (lower portionme
of the curve in Figures 4 to 6 ). This area is determined 
by graphical integration procedures. The values of the 
activity coefficients determined by this procedure, along 
with smoothed osmotic coefficients at various concentra­
tions, are given in Table III.

'The numerical value of § is determined by adjusting 
the function <f in equation 58 until a calculated value of 
1  - (J) becomes identical with the experimentally determined 
value of 1  -d) at the lowest experimental concentrations. 
Valiies of a determined by this method are given below*

TABLE IV
Values for a Determined by the 

Method of Randall and vVhite
Electrolyte a (angstroms)
K4 V1/ ( CItf )g 4.81

fN(Me)4] 4Mo(CK)8 4.25
Pt(pn)3 Cl4  5.17
KgPt(CH)4 6.20

Discussion of Isopiestic Measurements
Of the methods used to determine activity coefficients 

the procedure of Smith is preferred. Although this method 
was not used in three of the four cases described in this 
paper, it has been shown (53) that activity coefficients
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calculated by either method will differ by less than 
1 per cent. Thus, the actual method used for these cal­
culations does not seem to be too significant.

Perhaps the greatest difference between these methods 
lies in the evaluation of the parameter a. This is easily 
seen by comparing the values for this parameter derived 
from both methods as listed in Tables I and IV*

The reason for these variations is quite obvious if 
we briefly compare the two methods* From the method of 
Randall and White the values for a are derived by determin­
ing that value which will allow the experimental data at the 
lowest concentrations to be calculated directly from the 
Debye-Huckel equation. This procedure is in obvious error 
since the Debye-Huckel relationship cannot be expected to 
be valid due to the inherent limitations imposed in its de­
rivation at even the lov̂ rest experimental concentrations.
The method of Smith, however, takes these limitations into 
account. By this method the deviation between experimental 
and calculated data is assumed to be a linear function. The
magnitude of this linear function is determined graphically

ofrom the experimental data; and the parameter a is then ad­
justed so that calculated data, through use of the Debye- 
Huckel relationship plus the linear function, can be deter­
mined which will give the smallest deviation from the experi­
mental data at any particular concentration.
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Admittedly, the method gives considerable weight to 
the numerical contribution of the linear function at even 
the lowest experimental concentrations, but nevertheless 
it considers the obvious fact that the Debye-Huckel rela­
tionship cannot be used alone at these concentrations. Some 
inherent difficulties of the method are:

(a) the linear function is determined graphically 
from those portions of the 1  - (J) versus mi 
curves which have a considerable curvature and, 
thereby, impart a substantial uncertainty in 
the exact magnitude of the linear function;

(b) the deviations at these concentrations may be 
other than linear.

Although it would appear that the linear function 
approximation may be a poor one, nevertheless, it must be 
considered better than none at all.

These above limitations are only applicable to the 
evaluation of the a term and not to activit;/ coefficient 
calculations since any deviation due to the curvature or 
nonlinear terms are corrected for by introduction of the 

function described on page 87 .
One obvious argument in favor of Smith's method is 

the larger 8  values determined from this method. Considera­
tion of molecular dimensions and hydrated ionic radii leads

oto 8  values from 8  - 10 A for the 4-1, 1-4 electrolytes
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studied depending on the degree of hydration. Fairly good 
agreement with these magnitudes is indicated in Table I*

Figure 7 illustrates the relative magnitudes of the 
activity coefficients determined for these electrolytes.

In general, there is very little variation between 
the numerical values for the activity coefficients of these 
1-4, 4-1 type of electrolytes.

In every case the activity coefficients are higher 
than one would calculate by using the Debye-Huckel relation­
ship alone. This can be explained with the aid of Bjerruir^s 
concept of ion-pair formation. However, a detailed mathema­
tical investigation on the effect of neglecting the higher 
order terms in the linear expansion of the Boltzmann distri­
bution function may be a more satisfactory approach. A 
brief comparison of these two approaches is made a little 
later under the discussion of conductance data (page 116).

From the activity coefficients determined, the elec­
trolyte KgFt(Cll) 4 does not behave as a typical 1 - 2  elec­
trolyte but rather Intermediate between a 1-1 and a 1-2 
electrolyte. The explanation for this behavior undoubtedly 
lies in - Its square planer structure. Perhaps this is either 
due to extensive solvent interaction at the apex of an octe- 
heclron, consisting of the cyanide molecules and paired 5d 
electrons, or to extensive ion - ion interaction at these 
apexes.
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Determination of Ionic Conductances
It was considered desirable to determine the conduc­

tance of these electrolytes whose activity coefficients had 
been determined, since It Is possible to evaluate the mean 
distance of closest approach, a, from such data (56, 5 7  ).
In this way, the. value of 8. obtained from isopiestic measure­
ments could be substantiated by a method Independent of the 
Isopiestic method.

The equivalent conductance data obtained from resis­
tance measurements were initially plotted as a function of

*.JL This treatment follows from consideration of OnsagerTs
relation for the conductance of strong electrolytes, which
the electrolytes investigated in this paper were assumed to
be, i

= y\° - S c
Such a graphical procedure is known to yield a straight 
line plot in the most dilute regions for lower charged strong 
electrolytes. However, for these electrolytes a slight cur­
vature was noticed throughout the region of the lowest ex­
perimental concentrations. Although the curvature in many 
cases was not too great, the slopes of these curves were 
quite large as they approached infinite dilution; and a 
simple linear extrapolation to infinite dilution would appear 
to introduce a considerable error in the value of A °  f ound 
by this procedure.
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Values of /\° obtained by this procedure are listed bel ow

TABLE V
Values for Limiting Conductance 

Determined by Linear-, Extrapolation 
of a  versus c'"*̂ Curves

Electrolyte /\_° ohm--*-
K4|v(CK) ̂ ‘21120 191.7

(Me )H  4 Mo(CW)8 *2 H2 ° 157.5
Pt(pn)3Cl4*H20 166.5
KgPt(CN)4 154.7

The data were then treated by the method of Shedlovsky (13), 
involving the rearrangement of Onsager's conductance equation 
so that J\° may be calculated directly from individual values
of A  .

The reasoning behind this method is that although 
Onsager^ relation would not be expected to hold at higher 
concentrations, It should become more valid as Infinite dil­
ution is approached. Thus, a variable _/\°*, defined by

A°' = A  + s At
should approach a constant value of /V° for the most dilute 
solutions. Hov/ever, it is necessary to have a value of /\.° 
in order to evaluate the constant 3. For this purpose, as 
a first approximation, the values of the obtained from
a linear extrapolation of the versus curve were used.
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Graphs of versus c'f v;ere prepared, Figure 'These
curves appear to become linear for the most dilute experi­
mental values; however, the slopes of these curves are even
greater than the slopes of the versus c'"̂  curves; and,
hence, an even greater error would be introduced in the 
determination of A? by a linear extrapolation procedure.

Failure of the above two methods in finding a suit­
able extrapolation procedure for evaluating a led to the 
use of a method by Owen ( 55) which had been previously used 
by various investigators who have dealt with higher charged 
electrolytes. This method is based upon empirical exten­
sions of the simple Onsager equation of the form

j\ - A.° - S c*s- +- Ac* log c* 4- Be*,
where A and B are empirical constants to be determined. The 
above equation can be rearranged into the form

A °  ' - A °  - A log C'" + B.C-I?

This equation represents an equation for a straight line of
slope A and intercept B. This form of the equation can be
used to determine a without a graphical extrapolation
procedure. By this method ,/SP - is plotted as a

cw
function of log c*. The values for y\°, obtained from the

Graphs of the function ' versus c* have been plotted as 
(yv° - y\? ’ > versus c*. This has been done in order to com­
pare the relative deviations from Onsager’s limiting slopes 
between the various electrolytes studied. The abscissa has 
been graduated in terms of c* to conform to previously pub­
lished data of this type (6 6 ).
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linear extrapolation of* the curve A versus c w e r e  again, 
used as a first approximation. Since these values for_/\° 
did not yield a straight line, then j\° was lowered accord­
ingly until a straight line function was obtained (Figure 9). 
Values for A° and the arbitrary constants A and B, derived 
from Figure 9 , are listed in Table VI. The radii of circles 
shown in Figure 9 represent an error of i 0.1 ohm“^ in 
_ / \ ° 1 which roughly corresponds to a t. 0.05 per cent ex­
perimental error.

TABLE VI
Parameters of the Empirically

Extended Onsager Equation
ELectrolyte A B A°
K4JV7 ( CN )s|* 2H20 4762 9952 191.2

[N(Me )4] 4 M0  (CN )8  • 2H20 6312 11440 157.4
Pt(pn)3Cl4*H20 14626 32301 164.7
K 2 Pt(CPf)4 2232 4880 154.6

Discussion of Conductance Measurements
Due to the large deviations from the limiting Qnsager 

slopes which appear to be typical of these highly charged 
electrolytes, the method of Dye and Spedding for determining 
a values was found to be unsuitable. The method was tried 
for Ivjw(CN)^#2 H 2 O which shows the smallest deviation, and 
the results indicated a value of a too small to have a 
physical meaning.
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Comparison of the results for the evaluation of the 
limiting conductance, for the electrolytes studied by:

(a) simple linear extrapolation of a graph of
-Iver sus c '"s, y\°q;

(b) by application of the empirically extended 
Onsager equation, is tabulated below.

Electrolyte A°i yv°2
K4^(CN)8]-2 H2 0 191.7 191.2

N (Me ) 4Mo (CN) 8 • SHgO 159.8 157.4
Pt(pn)3 CI4 •HgO 166.5 164.7
K 2 pt(GN) 4 154.7 154.6

The extremely large difference in the J\9's obtained by 
these two methods, especially in the case of jltf(Me )4J 4 Mo(CN )q 
and Pt(pn)3 Cl4 , leaves considerable doubt in the applicability 
of 0wenfs method to highly charged electrolytes. The justi­
fication for the application of this method to the above 
electrolytic types was based on prior usage (55).

In one of his original papers (35) on the mathematical 
derivation of the conductance equation, Onsager stated that 
more exact computations, which were not attempted at that 
time because of the mathematical complications involved,
would lead to expressions of the type

-  j \  0 - S c + Ac “ log c" +■ Be “ ... .
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Specifically, in the derivation of the general equation of 
continuity terms of higher order than linear in the charge 
of the reference electrolyte were dropped (page 53 ). These 
neglected terms give rise to terms of order c':;' and also to 
transcendental terms which, upon expansion, lead to terms 
of c" log c“ and higher powers of c“' in the conductance 
equation.

The transcendental term when expanded is a function
of K§ where K is as previously defined (equation 34a) and
a is the mean closest distance of approach parameter obtained
from experiment. Recently Fuoss (59) has pointed out that
the expansion representing the transcendental term is only
valid for values of K§ numerically less than 0.2. A rough
calculation of Ka for electrolytes of the 4-1 or 1-4 type
shows that for an § value of 5, which is the lowest average
value for the electrolytes studied In this paper obtained
from isopiestic measurements, the limiting concentration at
which the c’* log c*“ term would be expected to be valid is

-z oapproximately 2.5 x 10“° N. For an a value of approximately 
1 0  which should be a more accurate estimate considering the 
size of the ions involved in this investigation, the limit­
ing concentration for the validity of using the c'c log cw

-3terms would be decreased to approximately 0.7 x 10 N.
From these considerations it must necessarily be 

concluded that there is no theoretical significance in
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adapting the extended Onsager equation of Shedlovsky to the 
electrolytes investigated in this paper. Thus, values of 
y\P derived from this method are considered to be of little 
theoretical significance. This can be emphasized by con­
sidering the values of X 2 for the Mo(CN)q“^ ion obtained 
f r ora c onduc t anc e me asur eraent s of jjU Me ) 4] 4 Mo (CN) q • 2 H 2 O and ' 
K^IoCCN and comparing those derived from Owen *s method and 
those derived from the simple linear extrapolation procedure.

Derived values of /  2 for the Mo(CN)8”^ i°n from con­
ductance measurements of [lT{Me 4 Mo(CN)q are 114.9 ohm" 1  

and 112.5 ohm- 1  for the linear extrapolation and Owen's 
method, respectively. The value for the ionic conductance 
of U(Me ) 4 and K have been taken as 44.9 ohm" and 75.5 ohm*"-1, 
respectively (67). Derived values for the sane ion using 
conductance determinations of K4 Mo(CN)e by Faber (47) are 
115.0 o h m ” and 114.5 ohm" 1 for the linear extrapolation and 
Owen's method, respectively. It can be seen that the simple 
linear extrapolation gives very good results with reproduci­
bility well within the limits of the accuracy which can be 
obtained by this procedure. On the other hand, the large 
variation in the values derived from Owen's method is much 
too great to be due to experimental procedures and, in fact, 
appears to be a function of the ionic size or mobility of 
the species of opposite charge in the electrolytic solution.
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The large deviations from the Onsager limiting slopes, 
as evidenced by the deep minima observed in Figure 8 , can 
most probably, in part, be explained to a large degree of 
association or ion-pair formation, particularly in the case 
of the 4-1 or 1-4 type of electrolytes.

The concept of ion-pair formation is generally described 
in terms of Bjerrum's equations of ion pairing (6 6 ). Bjerrum*s 
treatment of ionic pairing involves the determination of a 
probability function for the formation of ion pairs under 
the influence of coulombic forces. In his formulation of 
the probability function he has used the complete exponential 
Boltzmann distribution function in which the potential energy 
term included in this function has the form of a simple 
coulombic potential.

This resulting probability function has the property 
of possessing a minimum at a distance q, such that

r (min) = q = e2 | zi z0\
2DkT

Bjerrum has then assumed that two ions at a distance r< q ̂  § 
are associated. Further application of this probability 
function results in a formulation of the reciprocal of the 
Ionization constant of the associated ion-pair as

K" 1 “ 4ttN ( [z i Zpje2 )5  Q(b),
1000 DkT

where <i(b) is an integral, in terms of the function b, and 
whose upper limit depends on the magnitude of the parameter
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oa. The value of the function b is given by
b = Ul  ZqI 2

a DkT
Values of Q(b) have been tabulated as a function of b (6 6 )* 

Application of this method to the 4-1 or 1 - 4  type of elec­
trolytes investigated by Brubaker (53, 60) and in this paper 
using the value of 8  for each electrolyte as calculated from 
the isopiestic method, will yield values for the dissociation 
constant, K, for the reaction

as listed below in Table VII.

TABLE VII
Ion-Pair Dissociation Constants for 
1-4, 4-1 Electrolytes Derived from 

B j errurn1s Me thod

[m 4 A "]t 3 ,M 4+ A"

Electrolyte 
Pt (enJ-^Cl^ 
K^HoCCNJa'SHgO1

Oa K
3.61 538
4.33 219

Kjv(CN)^2H20 4.80 175
Pt (pnJ^C^'HgO 
K4Fe(CN)6

5.17

2373

■^■Obtained by Brubaker from Isopiestic measurements.
^The value of K for this substance was estimated by Davies (62) 
from conductance data of Jones and Jelen.

3This value for K was derived from spectrophotometrie 
studies (63).



113

The usefulness of the absolute values of K tabulated 
above are doubtful since the validity of the method employed 
depends strongly on the accuracy of the values of 8  used in 
the calculations of K. However, as an order of magnitude 
result, they appear to be of some value in light of the rather 
close agreement obtained between these values and the spectro- 
photometric studies of K^Fe(CN)g* In particular, there is 
little reason to believe that the degree of association should 
vary to any great extent among the complex cyanides listed 
in Table VII, since they all have almost identical charge to 
size ratios.

Thus, if we can consider the degrees of association 
calculated above as reasonable, there Is brought to light a 
discrepancy In the observed conductance data and subsequent 
treatment of such. This discrepancy is the relative devia­
tion from Onsagerfs limiting slope between K^MotClOs and 
[li(Me )4 j 4 Mo( CN)q as observed in Figure 8 1 . It should be 
mentioned, however, that comparison of conductance data for 
unsymmetrical electrolytes necessitates not only knowledge

3-The actual curve of A ?  - A.0* for KaMo(CN) 8  is not shown; 
however, data from the work of Faber (47) Indicate it is 
almost Identical to that obtained for Likev/ise,
a curve of this function from data obtained from work done 
by Jones and Jelen (64) for K4 Fe(CK) 6 is also almost identi­
cal. In each case, however, there is a shift to lower con­
centrations in the observed minimum point.
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of the degree of association but also the mobility of the 
ion-pair formed. This is not the case for symmetrical elec­
trolytes for which the ion-pair formed is a nonconducting 
species.

Here again, it is considered extremely unlikely that 
the mobility could vary to any great extent between the spe­
cies M(Me )4 Mo(CN)3 “ 3  and KIvIo(CH)8"3.

With this reasoning that the mobility of the Ion 
pairs are almost the same and assuming an almost identical 
degree of association, it is considered highly unlikely that 
the large deviations from Onsagerfs limiting slope, which is 
found for these electrolytic types, can be entirely explained 
on the basis of Bjerrum*s ion-pair concept.

It must necessarily be concluded that a large share 
of these deviations are due to the failure of Onsager's equa­
tions to describe accurately the conductance behavior for 
electrolytes of this high a charge type. Most certainly, 
the mathematical simplifications used in deriving the Onsager 
limiting equations are a contributing factor in the observed 
deviations Indicated in this paper.

All authors in the field of electrolytic conductance 
agree that by neglecting the higher order terms of the dis­
tribution function, particularly in the case of high-valence 
type electrolytes, a considerable error is introduced in the 
theoretical calculations of the conductance behavior of these
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electrolytes. Essentially Bjerrum1s theory of ion-pair 
formation is an attempt to reduce the magnitude of this 
error. This is done by using the pair-wise Boltzmann dis­
tribution function for distances less than q and the linear 
expanded distribution function at distances greater than q. 
Actually, one calculates the number of ions within the dis­
tance q to 8 ; and because of their close proximity and high 
interaction terms, they are considered effectively removed 
from solution as conducting ions. If the electrolyte is 
symmetrical, both of the interacting ions are effectively 
removed from the solution. By subtracting these calculated 
concentrations of ion pairs from the total concentration 
and then applying Onsager!s limiting equations, one has 
effectively superimposed the complete distribution function 
over the linear function and has a more correct prediction 
of the behavior of the conducting species. However, as it 
was previously pointed out, in the case of unsymmetrical 
electrolytes such a procedure Is not applicable since the 
ion-pair formed is also a conducting species and must neces­
sarily contribute to the total conductance behavior of the 
electrolyte.

Of considerable interest, along this line, is the 
effect of the linear approximation of the Boltzmann distri­
bution function involved in the derivation of the electro­
phoretic effect which has been recently emphasized by Dye (56).
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He has used the complete exponential distribution function 
Instead of the linear function approximation (page 49) in 
evaluating this correction term.

This procedure may be considered inconsistent since 
the linear approximation was used in the derivation of the 
Debye potential which Dye has used in the complete Boltzmann 
distribution function. Nevertheless, recent calculations 
made by him (68) show qualitatively that the complete expo­
nential function follows the Bjerrum distribution at close 
distances to the central ion (in the region of ion-pair 
formation) and approaches the linear distribution function 
at farther distances. Although the function does not quanti­
tatively agree with Bjerrum*s function, it lies Intermediate 
between it and the linear function and definitely seems to 
indicate that a large part of the effect normally considered 
as due to ion-pair formation must be attributed to the neglect 
of higher order terms. He has shown that for 4-1, 1-4 type 
electrolytes the neglected higher order terms have a magni­
tude of approximately 1.3 to 1.7, the value of the correction 
term calculated from the linear distribution function over 
a range 4 x 10“4 N to 0.01 N for an electrolyte of a equal 
to 4. However, of particular interest to this argument is 
the strong dependence of the higher order terms upon the ion 
size parameter 8. Since the Ionic size seems to be the only 
appreciable difference betv/een the N(Me.)4 and K ions, then
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perhaps a decided factor in the variation of the conductance 
behavior observed for the octacyanomolybdates of these ions 
are higher order neglected terms.

The evaluation of the effects of neglecting some of 
these higher order terms in the derivation of asymmetry 
effect for 1-1 electrolytes has recently been reported (58). 
However, the general treatment of this effect is extremely 
complicated and has not been attempted for higher valency 
type electrolytes.
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SUMMARY

Activity coefficients and equivalent conductances 
have been determined for the electrolytes 2HgO,
£h(Me )̂ ] 4Mo(CN)q*2H20, Ft (pn)3 Cl4  and K£>Pt(CN) 4 in aqueous
solutions at 25°C.

The activity coefficients and osmotic coefficients 
were obtained by isopiestic comparison with aqueous potassium 
chloride solutions. The values of these coefficients deter­
mined for the first three electrolytes listed above were 
comparable to those previously found for similar electrolytes 
of the 1-4, 4-1 charge type. 'Hie values found indicate that 
these electrolytes may be extensively associated in solution.

Values of the mean distance of closest approach, 8, 
have been determined. The numerical values of these para­
meters vary considerably depending upon the method of calcu­
lation.

The equivalent conductances were also ascertained in 
the hope of determining values for a independent of the iSo- 
piestic method. Such determinations could not be made, how­
ever, since deviations from the limiting conductance equation 
of Onsager were too great. Because of these deviations, pre­
sent methods of determining limiting Ionic conductance values 
most accurately could not be used. Values for these constants
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were determined, however, by simple linear extrapolation of 
equivalent conductance versus c’*̂  graphs. These derived 
values are 114.9 ohm"1 , 118.2 ohm”1 , 90.15 ohm"1, 81.2 ohm”1 
for the polyvalent Ions Mo(CN)8~4* »V( CN PtCpn)^^ and
PtCCN)^"2, respectively.

Complete evaluation of the conductance behavior of 
these highly charged species must await further mathematical 
extensions of the present theory of electrolytic solutions.
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A. Observed osmotic coefficients of K^jw(CN)̂ *2Hg0 at 25°C
calculated from the relation <j) = 0.4 mjcci ^  KC1

m
Molality K4[v(GN)^*2 H 2 0  Molality KC1 0  K4^(GN )§}• 2H20

0.0659 0.1176 0.6588
0.0773 0.1369 0.6517
0.1081 0.1859 0.6288
0.1096 0.1870 0.6238
0.2238 0.3593 0.5803
0.2524 0.4130 0.5678
0.3550 0.5456 0.5533
0.3950 0.6069 0.5523
0.4320 0.6609 0.5497
0.4912 0.7406 0.5414
0.5249 0.7917 0.5417
0.5996 0.8924 0.5347
0.8023 1 . 2 0 1 0 0.5376
1.0630 1.6143 0.5510
1.2856 2.0166 0.5744
1.5452 2.5445 0.6109
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B. Observed osmotic coefficients of |k 
at 25°C calculated from the relation

)4] 4Mo (CH)8*2H20 
^obs =0.4 mKCl^KClm

ity [l\ (Me )4 | 4  
CN)8 *2%0 j

Molality KOI 4* (Me )4 J 4 M o (

0.0544 0.0906 0.6218
0.1039 0.1656 0.5843
0.2003 0.3080 0.5571
0.3806 0.5502 0.5201
0.4478 0.6516 0.5228
0.4551 0.6579 0.5193
0.5505 0.8129 0.5304
0.6390 0.9565 0.5383
0.7241 1.1035 0.5489
0.8510 1.3265 0.5625
1.0751 1.7521 0.5917
1.1505 1.8874 0.5987
1.2355 2.0681 0.6138
1.3384 2.2497 0.6192
1.4588 2.4791 0.6299
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C. Observed osmotic coefficients of KgPt(CN) 4 at 25°C
calculated from the relation 4̂  Qbs = 0 *67 HiKCl 4^KC1m

(t>K2Pt(CN)4 
0 *8745

Molality KgPt(CX0 4  

0.0592 
0.0725 
0.1145 . 
0.2706 
0.3524 
0.3704 
0*4722 
0.5494 
0-. 6631 
0.7277 
0.7513 
0.S150 
0.9481

Molality KOI
0.0831
0.1023
0.1592
0.3633
0.4786
0.5009
0.6298
0.7316
0.8742
0.9530
0.9864
1.1737
1.2137

0.8697 
0.8494 
0.8189 
0.8146 
0.8108 
0.7980 
0.7962 
0.7892 
0.7841 
0.7759 
0.7699 
0.7686
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D. Observed Osmotic Coefficients of Pt(pnJgCl^H^O at
25°C Calculated from the Relation (f)obs = 2£KC1 KC1m

Molality KC1 ^  Pt (pn^C^^HgO
0.1007 0.6719
0.1179 0.6546
0.1197 0.6517
0.1435 0.6350
0.1771 0.6191

Molality Pt(pn) 
0.0556 
0.0665 
0.0678 
0.0831 
0.1047
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CONDUCTANCE MEASUREMENTS
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A. Equivalent conductance of (C N 2 H g O  in aqueous 
solution at 25°C .

Concentration (_c':’ x 103 ) 
0.33052 
0.4945 
0.62008 
1.02520 
1.13040
1.8984 
2.5052 
3.4308 
4.6416 
4.8724 
7.4252 
9.3191 

10.52 
20.68 
44.48 
90.40 

191.84 
401.16

Equivalent Conductance {J\ ) 
180.790 
178.159 
176.419 
172.039 
171.231 
165.877 
162.514 
158.412 
153.313 
153.434 
146.695 
142.870 
142.091
130.218 
117.968 
107.606 
97.315 
90.547
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B. Equivalent conductance of 
aqueous solution at 25°C.

Concentration (cj3: x 1 0 3) 
0.3078 
0.4288 
0.6881 
1.0007 
1.0681 
1.4437 
2.1498 
2.985 
3.9924 
6.2040
6.4376 
8.4879

11.0926 
12.04 
27.35 
56.20 

106.5 
208.4

[N (Me ) 4] 4 M 0  (GN) 8  • 2H20 in

Equivalent Conductance (/V) 
146.474 
144.042 
139.843 
136.121 
135.149 
131.318 
125.638 
119.923 
114.913 
107.063 
106.558 
101.289 
96.064 
93.500 
76.821 
65.671
56.042
47.042
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C. Equivalent conductance 
at 25°C.

Concentration (c* x 103) 
0.1202 
0.1283 
0.3551 
0.3930 
0.7551 
0.7927
1.0509 
1.2740 
1.7572 
2.1874 
2.8680 
4.0492 
4.2714 
5.8924 
7.2275 
9.220 

16.448 
24.160 
89.380

of Kr,Pt(CN) 4 in aqueous solution

Equivalent Conductance (/V) 
152.545 
152.501 
150.825
150.509 
149.076 
148.973 
148.110 
147.529
146.505 
145.685 
144.543 
142.866 
142.112 
140.660 
139.192 
138.069 
133.943 
131.357 
119.865
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D. Equivalent conductance 
solution at 25°C.

Concentration (c/:* x 103) 
0.19205 
0.53799 
0.35367 
0.51092 
0.62696 
0.63168 
0.88432 
1.0676 
1.6810 
2.6719 
3.7531 
5.929 
8.732

19.218 
27.344 
54.044

of Pt(Pn)3 Cl4 *H2 0  in aqueous

Equivalent Conductance (A) 
154.814 
150.495 
150.490 
147.311 

, 145.234
145.205 
141.774
139.657
133.657
127.506 
122.910 
117.550 
113.385 
101.690
95.549
84.168



APPENDIX III 
DENSITIES OP SOLUTIONS



The density of all of the electrolytes studied in 
this paper have been determined at 25°C as a function of 
concentration. These densities are related to molal con­
centration units, m, by the linear expression

■P - A m  +  0.99707.
The values of A for the various electrolytes are listed 
below.

DENSITY AS A FUNCTION OF MOLALITY
Electrolyte A
K^V (C N ) q|» 2HoO 0.3784

|i; (Me ) 4 I 4 Mo (C!T) g • 2 H 2 O 0  .1080
Pt(pn)3 0 1 4 *HgO 0.3155
K 2 Pt(CN)4  0.2514


