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1. Introduct ion

When a salt is in equilibrium with its sat
urated solution, the activity of the solid equals the

1activity of the salt in the saturated solution .
At constant temperature and pressure, the activity of 
the solid will be a constant k7 • Consequently under 
these conditions

( 1 )
, / v+ V" yv v ™ z \v + / \Vk = a + a _ = j + $_ (v+m_) (v_m_ j

\

where v = total number of ions 
v + = number of cations 
v_ = number of anions 
a = activity 
V = activity coefficient
m = molality.
y ,yV + v “ l/vSince 6 equals (4 + 6_ ) we obtain

y, v+ v V /v ( v + v~\1/v k = S (v+ v- ) (m+ m_ )
which for heteronionic solvent becomes

k - 1 ) 1/T s
Nov/, let S0 and <f0 equal the solubility and activity 
coefficient in the saturated solution of the salt in 
the solvent not containing other salts, and S and if

( 2 )

(3)

brO 7'*



equal the same quantities in the salt solutions . Then 
equation (3) becomes

which gives the relation between inolal solubility and 
activity coefficients.

above relationships, and others developed by them , de
veloped the equation

by which the solid phase of a mixture of two electro

activity coefficient of a standard electrolyte in a 
pure water solution of the same ionic strength as the 
total ionic strength of the salt mixture.

kj. = a constant relating the difference between the 
logarithm of the activity coefficient of an electrolyte 
in a pure water solution at the ionic strength , and
the activity coefficient of a standard electrolyte in a

3 0/S = |*fo (4 )

For a homoionic solvent equation (3) becomes
(5)

and, consequently,

oRecently Akerliff and Thomas making use of the

(7)

lytes may be determined. In the above equation 5“t (s )
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pure water solution at the same ionic strength z j to the 
ionic strength

k3 = a constant relating the difference between the 
logarithm of the activity coefficient of an electrolyte 
in a mixture of electrolytes , the total ionic strength 
of the mixture b e i n g a n d  the activity coefficient 
of the same electrolyte in a pure water solution at an 
ionic strength 

y U  = total ionic strength.
^  = ionic strength of the electrolyte forming the
solid phase of the mixture. (Saturating electrolyte) .

Vi = number of + ions from the saturating electrolyte.
I

v3 = number of - ions from the saturating electrolyte. 
v3 = number of common ions from the added electrolyte.

= ionic strength factor.
y//0 = ionic strength of a saturated solution of the sat
urating electrolyte in pure water.

 ̂ = activity coefficient of the standard electrolyte
in a pure water solution at the ionic s t r e n g t h •

The equation holds for homo-ions only, and for 
hetero-ions the equation becomes

^T(S) * + k2 ^ T  + ^°S/^x =  ̂̂  ̂

log 5"o(s) + k> 0  + l0S/ /°e
Where the symbols have the same significance as in equa
tion ( 7 ) .
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They illustrated the use of equation (?) with 
the two common ion pair KC1 and HC1 in H30 and also with
KCl and CoCl3 in water.

, , 30 Brien applied this equation to the various 
common ion combinations possible in the reciprocal salt 
pair, KCl, NaNOg and H30. He found that the equation 
held for that system.

Previously 0 Brien measured and determined 
the solubility of KCl in solutions of varying concentra
tions of NaNOg, no consideration being taken of the sol
id phase , it being tacitly assumed that it remained NaNOg
throughout. Reconsideration of the data of 0*Brien in

1 5 6connection with the data of Uyeda and Rienders accord-
7ing to the method of JSnecke has shown that beyond a 

NaNOg concentration of about 2.5 M , (as shown in Fig. I) 
the solid phase changes from KCl to a mixture of KCl 
and KNOg. Consequently the measurements of O ’Brien that 
go beyond molality of 2.5 M do not represent KCl concen
tration but s imply chloride concentration. Therefore in 
order to test the applicability of equation (8) for het
ero-ionic pairs , it was decided to supplement the measure
ments of O’Brien by making the measurements of the solu
bility of KCl in the presence of NaNOg, the concentration 
of the latter ranging from 0 to 2.5 M. Also O ’Brien has 
found the relationship existing between the activity coeffi-



NaCl

KC1

Fig. Is Equilibrium Diagram for the Reciprocal
oSalt Pair KC1 and NaNOs at 25 C.
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c lent of an electrolyte in a mixture of electrolytes and 
the total ionic strength of the mixture which can be given 
by the equation

which is represented graphically for KC1 in NaNOs in 
Fig. II.

This equation in turn simplifies equation (?) and
o(8) of AkerlSf and Thomas, so that they become

In this paper equation (ll) is tested by means of the 
system KC1, NaN03 and H30.

Material. Potassium Chloride. The highest grade 
Analytical Reagent chemical was used. It was recrystall
ized from conductivity water.

Sodium Nitrate. This was of high grade C.P. var
iety, free from chlorides as shown with AgNOa.

Silver Nitrate, For the analysis of the saturat

(9)

UO)

and

2. Experimental

ed solutions a N solution was made up with C.P. silver ni-



7 .

Fig. II: Activity Coefficients in Mixtures 
of Electrolytes.

1 . lOg ^  ,Ji - k rj\

2 . log = + ka.
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trate. It was standardized against recrystallized potass
ium chloride.

E£.££.§.dnre. For the solubility determinations the
8method of Moody and Leyson was used. Weighed amounts

of sodium nitrate, potassium chloride and water were put
in small tightly stoppered bottles, and placed in a water

0bath at about 40 C. These were then placed in a constant
0 + 0temperature bath at 25 C . -0.1 , and stirred automatically 

for an hour. It was found that longer stirring made no sig
nificant difference in the results and it was therefore con
cluded that an hour was sufficient for saturation.

Samples weighing 10 to 12 grams were siphoned 
through a filter; clear, colorless solutions being obtained.
The sample was then analyzed for potassium chloride by the

9silver chromate method . The solubility of KOI in pure
, 10 water was taken to be 4.81 moles per 1000 g of water.

3. Results

Table I; The Solubility of Potassium Chloride
in the Presence of Sodium Nitrate at 025 C.

MT M0 M
X Dtns Avg . Difference

5 .47 0.50 4.97 2 ±0 . 0 06 .09 1.00 5.09 2 -0.006 .59 1.41 5.18 3 io.oi7.14 1.84 5.30 3 ±0.017.32 2.00 5.32 2 -0.017.93 2.50 5.43 4 io . 02



Table I contains a summary of the data obtained.
The first column (M0) gives the concentration of sodium 
nitrate in mo 1s per 1000 grams of water. The second gives 
the number of determinations made. The third (Mx ) gives 
the solubility of potassium chloride , also expressed per 
1000 grams of water, and the fourth gives the average error 
of measurements. is the total molality of the mixture.
This data is shown graphically in Fig. III.

4. Calculation of Solubility

oIn applying the equation of AkerlSf and Thomas to 
these results, equation (8) is used which becomes

0 S (HC1 ) +  ̂1/tp +  ̂ ) + 1 o x ~ .4681 (l2)
where both electrolytes are univalent . The constant kg 
is calculated from this data as shown in Table II.

9 .

Table II: Constants for Squat ion (12 )

Z 4 t y ' x log 5*t (HC1) *3

5 . 4 7 4 . 9 7 .4377 .0470
6 .09 5.09 . 5199 .0399
6.59 5.18 .5884 .0404
7.14 5.30 .6585 .0393
7.32 5.32 .6820 .03857.93 5.43 .7614

mean
.0368
.0403

In the above tabley M  ̂  = total ionic strength of 
the mixture NaN03 and KClj ̂ 4  = ionic strength of the
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MKC1

Fig. Ill: 0Solubility of KC1 in NaNOs at 25 C*
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The explanation for this deviation may be seen 
in Fig. II (l). Only one of these points fall on the line, 
the slope of which is .127 or kg. If in Fig. II (2 ), when 
a line was drawn which passed through most of the points, 
it did not pass through the origin.

Therefore equation (11) becomes

l0g k (S )  * * > r  * "4 * 1,£A  = l0S k t S )  * l > 0

k3 was now found to be -0.143 -
+ lOgyO iQ .

+018 and k4 0.1054 -
(13)

005.
This is repr seated graphically in Fig. II (2 )

KC1 in the mixture $ k3 = the constant in equation (l2).
The constant k3 in equation (ll) was also calculat

ed from the above data and was found to be .127 -0.005.
This constant was of no value as may be seen from Table III.

Table III: Solubility of KOI in NaN03 as Calcu
lated from Equation (ll).

m NaN03 m KOI (obs.) m KC1 (calc . )

0.50 4.97 5.37
1.00 5.09 5.26
1.41 5.18 5.17
1.84 5.30 5.17
2.00 5.32 5.20
2.50 5.43 5.17



Table IV* The Solubility of KC1 in NaN03 as Cal
culated from Equations (8) and (13).

12.

lm NaNOs mKC1(obs.) mKCl tleq.is)) mKCl . , x x (eq.(l3) )
0.50 4.97 4.97 4.991.00 5.09 5.09 5.121.41 4.18 5.18 5.201.84 5.30 5.32 5.312.00 5.32 5.36 5.342.50 5.43

1
5.49 5.44

m represents molality.

These results are shown graphically in Fig. IV.

5. Discussion of Results

In the calculation of the composition of a three
component system it can be readily noted that the equations

0
of AkerlSf and Thomas and the modified equation of O’Brien 
give results agreeing very closely with the experiment.
It should be noted , however, that the reciprocal salt pair 
like the one considered in this paper is really a five and 
not a three component system. It does happen , though , that 
xn such a system there are certain ranges of composition 
and concentration over which the system may be considered 
as consisting of just one pair of heteroionic salts. This 
of course presents a limitation to the value of the equation, 
since in order to apply the equation, the concentrations 
over which the equation xv i 11 hold must be known. Further-



Fig. IV t Observed and Calculated Solubility
oof KC1 in NaN03 at 25 C •

0 =* observed values.
A  = 0*Brien,s equation,

o□  = Akerlflf-Thomas equation.
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more, the various constants for each different pair 
of electrolytes are different, and the constants also 
change for the same pair of electrolytes if the solid 
phase changes. In short , to apply the equation, the range 
of concentration over which the system might be consid
ered as a three component system, the qualitative com
position of the three phase system, and the solid phase of 
the system must be known. The equation is not adopted to 
a case where more than one electrolyte is present in the 
solid phase.

Of the two equations which are useful that of
0 Brien is the more easily solved since it reduces to!
an equation of the form

log x = A
for any given pair of univalent electrolytes and at any

0given ionic strength, while that of Akerltif and Thomas 
reduces to an equation of the form

log x = B + Cx.

6. Summary

The solubility of KG 1 in NaNOg was measured over 
the nitrate concentration range 0 to 2.5 M.

The constants for the equations were determined.
The solubility of KC1 was calculated from the equa

tions using these constants
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Both equations hold very well (within limits) and 
O’Brien’s is to be preferred since it is much easier to 
solve.
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