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Thermodynamic Properties of Very Concentrated Electrolyte Solutions 

John Michael Simonson 

Abstract 

Apparatus and experimental techniques used to measure solvent vapor 

pressures over very concentrated electrolyte solutions are described. 

Measured solvent vapor pressures and derived solvent activities are 

reported for the system LiN0
3

-KNo
3
-H2o at 373, 393, and 436 K. These 

results are shown to be in good agreement with previously published 

solvent activities in this system. All available solvent activity data 

are correlated using an electrostatic-nonelectrostatic interaction model 

with explicit consideration of temperature dependence. Mean ionic 

solute activity coefficients, partial molal enthalpies and enthalpies 

of mixing calculated using this model are tabulated. 

In the second section, measured vapor pressures are reported for 

the systems LiN0
3

-NH
4

No
3

-H
2
o and KN0

3
-NH

4
No

3
-H

2
o at 373 K. A single 

value for the ion-size parameter of the electrostatic term in the inter

action model is shown to be applicable to a number of systems of the 

general type MiN03-H2o. Tables of values of the nonelectrostatic inter

action parameters for a number of mixed and pure nitrate solutes in 

water are presented. A generalized multicomponent representation of 

the nonelectrostatic interaction term of the model is presented and 

discussed. 

Finally, measured solvent vapor pressures are presented for the 

system tetra-~-butylammonium picrate - ~-butyl alcohol. Solvent activity 

in this system is represented, and ionic solute activities calculated, 

using the electrostatic-nonelectrostatic interaction model both with 

1 



2 

and without explicit consideration of a proposed ion-pairing equilibrium 

in this low-dielectric solvent. Comparison of solvent activity fits on 

either basis shows that consideration of· the ion-pairing equilibrium is 

not essential to an accurate representation of solvent activity over 

the solution composition range studied here, but becomes important at 

higher dilution. 
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Chapter I 

1. Introduction 

Recently, Pitzer1 •2 has discussed thermodynamic properties of 

completely miscible electrolyte-molecular solvent systems in terms of 

a model in which simple additive electrostatic and nonelectrostatic 

contributions to the Gibbs free energy of mixing are assumed. Due to 

the limited number of systems for which thermodynamic data have been 

obtained, extensive tests of this model against experimental results 

could not be carried out. 

In this work, measured static vapor pressures of solvent have been 

used to determine solvent activity in very concentrated electrolyte 

solutions as a function of temperature and solution composition. The 

apparatus used in these measurements removes the limitations of earlier 

3 
experimental work to solvent vapor pressures less than 1 atmosphere, 

or to that composition range in which reliable isopiestic standards are 
. 4 

available. 

In this first section, the apparatus and techniques used throughout 

this work are described in detail. Measured solvent vapor pressures and 

solvent activities derived from these vapor pressures are reported for 

the system (Li,K)No
3
-H

2
o in which the Li/K mole ratio in the mixed elec

trolyte has been held near unity. These values are shown to be in good 

h 1 f h 4,6,7 
agreement with previously publis ed va ues or t is system. 

The electrostatic-nonelectrostatic interaction model proposed by 

Pitzer is discussed here in some detail. A simple empirical form 

describing temperature dependence of the parameters of this model is used 

to represent the experimental results at all temperatures studied. 

1 



2. Experimental Section 

Apparatus 

The apparatus used in these experiments was designed to allow meas

urement of vapor pressures to 13 bars at temperatures to 460 K. The ap

paratus is represented schematically in Figure 1. Vapor pressures over 

the solutions were measured directly using a thermostatted capacitance 

manometer differential pressure transducer (MKS Instruments 170 Series 

Baratron, Model 315BH10000) in conjnnction with MKS Instruments tempera

ture control and signal conditioning electronics. The pressure trans

ducer and the inlet line from the sample cell thermostat were maintained 

at approximately ten degrees above the temperature of the sample cell 

thermostat to prevent solvent condensation. 

The samples were contained in Pyrex cells as illustrated in Figure 

2. These cells included a main sample chamber of approximately 10 cm3 

internal volume and a small overflow trap to protect the system from 

inadvertent bumping of the hot solution. Solutions were stirred mag

netically using a teflon coated stirring bar in the main sample chamber. 

Low vapor pressure epoxy was used as a glass-to-metal seal to connect 

the sample cell to a stainless steel manifold assembly through a Nupro 

stainless steel bellows-seal packless valve. The total dead volume over 

the solution was less than 15 cm3 • 

A Pyrex bulb containing pure solvent was attached to the manifold 

through another bellows valve to allow prepressurization of the system 

dead volume to approximately the expected vapor pressure of the experi

mental solution, both to minimize the solution composition change due to 

evaporation into the evacuated deal volume and to guard against flashing 

of the salt solution into the manifold system on opening of the sample 

cell. 

2 
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Figure 1. Apparatus for solvent vapor pressure measurement. 

a. Capacitance manometer signal-conditioning electronics 

b. Capacitance manometer differential sensor 

c. Temperature measurement electronics 

d. Stainless steel valve manifold assembly 

e. Prepressurization bulb 

f. Sample cell 

g. Oil bath 

h. Platinum resistance thermometer 

i. Magnetic stirrers 

j. Thermostatted air oven 

k. Stirring motor 
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XBL838-6186 

Figure 2. Pyrex sample cell (·3x actual size). 

a. Main sample chamber 

c. Inlet tube 

b. Overflow trap 

d. Stirring bar 
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A third bellows valve on the manifold system served to connect the 

assembly to. a vacuum line. This line was used to degas the solutions 

to be studied and the prepressurizing solvent, and to reset zero on the 

differential pressure transducer before each run. The reference side 

of the transducer was maintained under vacuum, insuring that all pres-

sures measured were absolute vapor pressures relative to vacuum reference. 

The valve manifold assembly, including both the sample and prepres-

surization cells, was maintained at the temperature desired in a double 

walled cylindrical aluminum stirred-air oven, using a contact-thermometer 

temperature regulator. The oven was wrapped with a three inch layer of 

spun fiberglass insulation. The sample cell only was immersed in a stir-

red mineral oil bath inside this oven to smooth out short term tempera-

ture variations. 

The temperature of the oil bath was measured using a 1000 ohm 

platinum resistance thermometer in a four-lead resistance measuring cir-

cuit which included a Leeds and Northrup K-6 six-dial potentiometer in 

conjunction with a Leeds and Northrup 8074 Resistance Thermometer 

Potentiometer Adapter. A microvolt amplifier and chart recorder tandem 

served as the potentiometer balance detector. The temperature measure-

ment system was calibrated against a Rosemount Model 162CE 25 ohm 

platinum resistance temperature standard with calibration supplied by 

the manufacturer traceable to the National Bureau of Standards. Repro-

duction of temperature values through the calibration process was better 

than 0.01 K. 

For experiments at 373 K, in which all vapor pressures measured 

were below ambient, the less complicated apparatus diagrammed in Figure 

3 3 was used. A 10 em round bottom Pyrex flask with ground glass fitting 

6 



Figure 3. Vapor pressure apparatus used in selected experiments at 
373 k. 

a. Thermostatted oil bath 

b. Sample cell 

c. Prepressurization bulb 

d. Three-way ground glass stopcock 

e. Two-way ground glass stopcock 
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was used as ~he sample cell. 3 The sample cell and a small (~. 2 em ) 

Pyrex prepressurization bulb were attached to a ground-glass three-way 

stopcock through 7 mm O.D. Pyrex tubing. This assembly was connected to 

the capacitance manometer through a length of 7 mm glass tubing and a 

short length of 0.125 in. O.D. stainless steel tubing connected by an 

epoxy glass-to-metal seal. The system was connected to a vacuum line 

through a two-way ground-glass stopcock to allow for system degassing 

and rezeroing of the pressure transducer. 

The system was thermostatted in a 2 liter stirred mineral oil bath 

held at the desired temperature with a bayonet heater controlled by a 

Leeds and Northrup Electromax temperature controller. The portion of the 

manometer inlet line not immersed in the oil bath and the pressure trans-

ducer were maintained at a temperature approximately 5 degrees above that 

of the oil bath. The temperature of the sample cell bath was measured 

using a four-lead platinum resistance thermometer circuit as described 

above. 

Chemicals 

Lithium nitrate was prepared by neutralizing lithium hydroxide 

(Fisher Scientific Co. Lot No. 704974) with sufficient nitric acid 

(Mallinckrodt AR Grade) to result in a slightly acidic solution. This 

solution was filtered hot through a fine frit porous disc funnel, excess 

water evaporated off, and cooled to precipitate lithium nitrate tri-

. hydrate crystals. The crystals were washed with small portions of cold 

water, then recrystallized twice from distilled water. The trihydrate 

crystals obatined were dried under vacuum for one day, then placed in a 

vacuum desiccator and dried over P
2
o

5 
for two days, yielding the anhy

drous salt. Potassium nitrate (Mallinckrodt AR Grade Lot No. KMBA) .was 

dried over P 0 in a vacuum desiccator for two days before using. 
2 5 
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Solution preparation 

Mixed salt composition for the LiN0
3
-KNo

3
-H

2
o system was held at 

50.34 mole percent lithium for direct comparison with the isopiestic 

experiments of Braunstein and Braunstein. 4 Dry lithium and potassium 

nitrates were weighed into a round bottom flask in amounts sufficient 

to result in the desired mixed salt composition. This salt mixture was 

fused under vacuum, disconnected from the vacuum line while molten, and 

the desired quantity of the fused salt mixture transferred as rapidly 

as possible into the sample cell. Distilled water which had been boiled 

for one half hour to remove most dissolved gases was added to bring the 

system to the composition desired. When applicable, the sample cell 

inlet tube was sealed by glassblowing. 

The loaded sample cells were connected to a vacuum line and the 

solutions frozen using a methanol-dry ice cold bath, then pumped down 

to good m~chanical pump vacuum (<50 ~m Hg). The solutions were allowed 

to thaw, then refrozen and pumped down to vacuum several times over one 

to three days. After this preliminary degassing, the solutions were 

carefully opened to vacuum several times over one day while at room 

temperature, drawing off some solvent and remaining dissolved gases. 

Systems which did not dissolve completely at room temperature were 

heated to dissolve the remaining solid, then cooled and evacuated. 

Solutions degassed in this manner were frozen one final time, then 

transferred as quickly as possible to the pressure measurement system 

and reevacuated. After reaching ambient temperature, each sample was 

again carefully evacuated without first freezing over a two-four hour 

period to remove any remaining dissolved gases. 

10 



Pressure measurements and composition determinations 

The sample cell thermostat was brought to the desired temperature 

with the valve system set to maintain vacuum on both the pressure and 

reference sides of the capacitance manometer. After adjusting the pres

sure measurement electronics to show zero differential pressure across 

the transducer, the valve to the vacuum line was closed and the valve 

to the prepressurization bulb containing pure degassed solvent was 

opened slowly until the pressure in the dead volume of the system was 

near that expected to be the vapor pressure over the solution in the 

sample cell. The sample cell valve was then opened, the system was 

allowed to come to equilibrium, and the thermometer resistance and 

observed vapor pressure were recorded. Depending on the difference 

between the system prepressurization and the final pressure measured, 

two to six hours were required for this equilibration process. After 

pressure and resistance measurements were recorded, the sample cell 

valve was closed and the manifold and manometer system evacuated. The 

transducer zero drift, if any, was noted. The thermostat was allowed to 

cool to ambient temperature, and the sample cell was disconnected from 

the valve system. 

Final composition of all solutions was determined by weight after 

the vapor pressure determination. After measuring gross weight of the 

sample, most of the solvent was removed from the sample by vacuum dis

tillation. The sample cell was then connected to a vacuum system and 

evacuated for at least one day. Following this low-temperature solvent 

removal, the incompletely dry salt in the sample cell was fused several 

times under vacuum to remove remaining solvent, and the dried salt 

sample was weighed. The salt mixture was removed from the sample cell, 

11 



an accurate tare weight determined, and the masses of solvent and salt 

in the sample were calculated by difference. 

Results 

As the concentration of water is decreased, the molality of the 

solution becomes extremely large. Inspection of the equation relating 

the osmotic coefficient 4> and molality m of the solution to the measure.d 

experimental quantity, the solvent activity a , 
w 

shows that the osmotic coefficient is related to the quotient of two 

very.large numbers at low solvent con~entrations and activities. To 

(1) 

avoid using a measure of composition which increases without bound at 

the limit of vanishing solvent concentration, we adopt a mole fraction 

scale based on completely dissociated solute. For a 1-1 strong electro-

. + -
lyte MX, MX = M +X and 2ns = 2~ = ~·+ nx-. The mole fractions 

of solvent and solute are then 

n 
w = X = ---::,.---

W n +2n w s 

2n s 
X +X 

w s 
= 1. 

Also, we do not calculate osmotic coefficients, but use the solvent 

activity 

(2) 

(3) 

where f and f are the fugacities of water vapor over the solutions and 
0 

the fugacity of pure water at the temperature of the experiment, 

respectively. 

12 



Previous experience had shown that the activity of the solvent as 

measured in these experiments varies only very slowly with temperature; 

thus no attempt was made to reproduce experimental temperatures more 

closely than ±0.5 K between measurements taken near a given temperature. 

As the vapor pressure of pure water is known very accurately as a func-

tion of temperature, this variation in temperature between experiments 

does not introduce a significant amount of imprecision in the activity 

data. 

Experimental temperatures and vapor pressures are listed in Table 1. 

Vapor pressures for pure water' at experimental temperatures and the 

second virial coefficient for water vapor were calculated from the 

5 pressure-temperature-volume relations developed by Haar ~ al. Use of 

·higher terms in the virial expansion in correcting measured pressures 

for the nonideality of water vapor is not warranted in this work. 

Comparison of results with literature data 

Braunstein and Braunstein4 have determined isopiestic molalities 

for (Li,K)N03 solutions at temperatures between 373 and 423 K using LiCl 

reference solutions. These measurements cover the water-rich region of 

the composition range (x ~0.3); the Li/K mole ratio for the mixed salt 
w 

was 1.014/1. Also, Tripp and Braunstein
6

' 7 have measured vapor pressures 

of water over (Li,K)N0
3 

solutions using a differential transpiration 

method over a 392-423 K temperature range. These experiments were car-

ried out at the salt-rich end of the composition range (x ~0.3) at w 

several Li/K mole ratios; their results for the equimolar mixed salt are 

used for comparison with this work. 

The isopiestic measurements require an accurate representation of 

water activity in LiCl solutions for comparison with our results. At 

13 
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Table 1. Experimental Vapor Pressures and Derived Solvent Activities 
for the System (Li,K)No3-H2o 

Po f f 
T/K _E_ 0 

xl kPa kPa kPa kPa al 

374.03 ·.8977 95.00 104.55 93.68 102.95 .9100 
372.55 .8485 84.70 99.16 83.63 97.70 .8560 
373.99 .7540 77.39 104.42 76.52 102.83 .7442 
374.62 .7401 77.57 106.76 76.70 105.11 .7297 
373.11 .6110 57.05 101.17 56.57 99.66 .5676 
372.98 .5211 45.10 100.70 44.80 99.20 .4516 
372.80 .3948 29.54 100.07 29.41 98.59 .2983 
373.09 .3593 26.09 101.12 25.99 99.61 .2609 

393.49 .8832 177.05 200.63 173.46 196.02 .8849 
393.36 .8022 157.85 199.79 154.99 195.21 .7939 
393.78 .7079 136.79 202.49 134.65 197.81 .6807 
393.69 .6246 114.91 201.90 113.40 197.25 .5749 
393.54 .5043 85.52 200.97 84.68 196.35 .4313 
393.64 .3856 58.01 201.59 57.62 196.94 .2926 
393.84 .3409 49.02 202.88 48.75 198.18 .2460 
393.96 .2925 40.72 203.61 40.52 198.89 .2038 

436.35 .9298 619.34 669.59 591.86 637.53 .9284 
435.98 .8803 579.19 663.47 555.04 631.87 .8]84 
435.96 .8334. 548.17 663.07 526.50 631.50 .8337 
436.09 .7420 475.03 665.20 458.74 633.47 .7242 
435.91 .6926 429.71 662.22 416.33 630.72 .6601 
435.18 .6147 366~32 650.25 356.50 619.65 .5753 
436.04 .4885 274.96 664.45 269.46 632.78 .4258 
435.87 .3766 196.78 661.53 193.95 630.08 .3078 
436.15 .2554 117.83 666.22 116.82 634.41 .1841 
436.13 .2114 93.77 665.95 93.12 634.17 .1468 
435.96 .1800 75.57 663.07 75.15 631.50 .1190 

3 -2 -2 1 kPa = 10 Nm = 10 bar 



8 373.15 K the vapor pressure data of Gibbard and Scatchard have been used 

to determine coefficients in a power series in the mole fraction· of LiCl 

in an empirical representation of their data. The fitting equation re-

ported by these authors has not been used as it appears to yield unwar-

ranted inflections in the smoothed osmotic coefficient values at higher 

molalities. The activity of water in this system has been represented as 

.2-n a 
w 

(4) 

where aw and xw are the activity and mole fraction of water and x2 is the 

solute mole fraction on an ionized basis. The term DH is an electro-

static interaction function for 1-1 electrolytes given by 

DH 
. [ 1/2 ] 1000 112 I3/2 1 + 1 in(l+pix ) 

= 12 A (-) 
~ ~ x 2 2I (l+ Il/2) 2 2I - ( Il/2)3 p X p X p X p X 

(5) 

This expression has been modified for use on an ionic mole fraction basis 

from the Debye-Hlickel formula derived by a charging process. In this 

expression, A~ is the Debye-Hlickel slope for the osmotic coefficient and 

is taken from Bradley and Pitzer.
9 The concentration variable I is the 

X 

ionic strength on an ionized mole fraction basis 

1 and is equal to 2 x
2 

for a 1-1 electrolyte. The parameter p is related 

to the distance of closest approach of the ion~ and is discussed in more 

detail below; a value of 12.3 has been used in representing these data. 

Also, M
1 

~s the solvent molecular weight. At 373.15 K, the fitted para

meters of Equation (4) are a
1 

= -1545.64, b
1 

= -10638.0, c1 = -20422.9 

and d1 = 64348.0. 
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Values of the osmotic coefficients of lithium chloride solutions 

calculated by Gibbard and Scathcard at regular molality intervals, their 

experimental osmotic coefficients at 373.15 K and the smoothed curve 

calculated using Equation (4) and the parameters given above are shown 

in Figure 4. The osmotic coefficients calculated using Equation (4) and 

those calculated by Gibbard and Scathard are in excellent agreement with 

the experimental results. However, the two sets of smoothed values 

differ by as much as 2 percent in the 12-17 molal range over which 

experimental results are unavailable. In using the smooth representa-

tion of Equation (4) for lithium chloride osmotic coefficients, it is 

necessary to note that the calculated osmotic coefficients carry signi-

ficant uncertainty across this postion of the composition range. 

The high-concentration data of Gibbard and Scatchard for LiCl do 

not extend to temperatures above 373 K. 
10 

The work of Holmes and Mesmer 

has been used to provide an independent representation of the activity 

behavior of water in LiCl solutions at temperatures above 373 K. As 

this work extends only to ~iCl = 6, a significantly smaller portion of 

the water-rich end of the composition range may be treated; given the 

measured isopiestic ratios, we may determine aw in (Li,K)No3 solutions 

only for x ~ 0. 7 using these results. 
w 

Holmes and Mesmer have used a wide range of data for aqueous lithium 

chloride to determine coefficients of Pitzer's virial expansion for elec-

trolyte solutions. For the osmotic coefficient of lithium chloride solu-

tions this formulation takes the particularly simple form 

(7) 

where 

16 



Figure 4. Comparison of experimental and calculated osmotic coeffi
cients of lithium chloride solutions at 373 K. Smooth curve 
fit using Equation (4). 
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(8) 

and 

B~ = 0 (0) + 0 (1) ( ~) '"' '"' exp -am • (9) 

The empirical coefficients, which Holmes and Mesmer have determined as 

functions of temperature, are S(O), S(l) and C~. At 393.15 K, the 

values are 

aco> = o.l338 sc1 > = o.3674 ~ -4 C = 1.31 X 10 . 

!.: _1 

Values of a and b have been determined by Pitzer as 2.0 and 1.2 kg 2 mol ~ 

respectively for all elect~olytes in which at least one ion is univalent. 

Using this equation to determine osmotic coefficients for lithium 

chloride solutions and the isopiestic molalities of Braunstein and 

Braunstein, the activity of water in (Li,K)N03 solutions with xw~0.7 

has been calculated at 393 K. 

The results of Braunstein and Braunstein at 373 K and of Braunstein 

and Braunstein and Tripp and Braunstein at 393 K are illustrated, with 

the data of this study for comparison, in Figures 5 and 6. The data at 

393 K show very good agreement in the activity of water as a function of 

solution composition among the three data sets. There is, however, a 

small but consistent difference of approximately 0.05 unit of activity 

between the data of this study and the isopiestic data across the compo-

sition range studied at 373 K, with activities determined in this work 

slightly higher. This discrepancy between data sets, while not large, 

appears to be systematic and therefore warrants further discussion. 
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The method employed in calculating water activities from the vapor 

pressures measured in this study places a premium on the accurate meas-

urement of the temperature of the sample; a measured temperature below 

the actual sample temperature would effectively raise the calculated 

activity above the true value. However, this effect is not constant with 

changing composition in a nearly isothermal series of experiments. 

Lowering the calculated activity of water by 0.005 at a = 0.9 implies 
w 

an error in temperature measurement of approximately 0.15 K. Lowering 

the activity curve by the same amount at a = 0.3 implies a temperature 
w 

measurement error of 0.45 K. Any errors in thermometer calibration would 

result in a nearly constant offset in measured temperatures near a given 

value; the observed activity behavior is not explained by assuming 

thermometer calibration error. 

Incomplete degassing of the solutions or small leaks to atmosphere 

in the vapor pressure apparatus would cause the observed vapor pressures 

to lie above the true values. However, given the significant differences 

in time allowed for degassing and equilibration of each experiment, it 

is unlikely that the activity would show the regular behavior observed 

in this case. 

The activity of water in the mixed-salt solutions is a function of 

mixed salt composition. Using the results of Tripp and Braunstein,
6 

we 

estimate that a difference of 1 mole percent in the mixed salt composi-

tion would be required to account for the observed activity difference. 

Reasonable care in preparing the mixed salt system can be expected to 

result in salt mole ratios precise enough to cause no significant 

discrepancies in water activities. 

20 



Activities of water have been calculated for the isopiestic data 

using only the data of Gibbard and Scatchard8 to determine the activity 

of the standard lithium chloride solutions. At higher concentrations, 

the osmotic coefficients of lithium chloride have been measured only at 

widely spaced composition intervals, and the interpolated values required 

to reduce the isopiestic data at higher salt concentrations are therefore 

relatively imprecise. However, the mole fraction range over which this 

imprecision is large enough to account for the difference in water 

activities extends only from x
1 

= 0.4 to x1 = 0.35. At lower concen

trations, Holmes and Mesm~r11 have found Gibbard and Scatchard's results 

to be in excellent agreement with those from other sources. We have 

used the smoothed water activities calculated using Equation (4) without 

adjustments which would bring the (Li,K)N03 data sets into better agree

ment in the very narrow mole fraction range of imprecise lithium chloride 

osmotic coefficients. The small difference between the isopiestic re-

sults and those of this study at 373 K remain an unexplained discrepancy; 

in further manipulation ofthesedata, the two data sets will be given 

equal weighting. 

3. Discussion 

Representation of results 

Thermodynamic data for electrolyte-solvent systems spanning the 

composition range from dilute electrolytes to fused salts are not plenti-

ful in the literature. It is not surprising, t~en, that little work 

toward systematic analytical representation of such data has been under

taken. Braunstein and Braunstein
4 

and Trudelle, Abraham and Sangster3 

have used a modification of the Brunauer-Emmett-Teller adsorption iso

therm proposed by Stokes and Robinson12 to represent their data. In 
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this representation, the activity of water is given by 

a (1-x )/x (1-a) = 1/cr+ (c-l)a /cr 
w w w w w 

(10) 

where c and r are empirical parameters which have been imprecisely 

related to the difference in the solvent-solvent and solvent-solute 

interaction energies and the number of water molecules adsorbed per 

monolayer on a solute molecule, respectively. It should be noted that 

x in Equation (10) refers to the mole fraction of water on an 
w 

unionized basis. 

Although the fits of water activity to this equation are generally 

3 good for mole fractions of water less than 0.7, the fit quality is not 

acceptable in more dilute solutions. Additionally, any functional form 

adopted to represent the thermodynamic behavior of these systems across 

the entire composition range must reduce to the Debye-HUckel limiting 

law in the limit of vanishing salt concentration. 

Pitzer1 ' 2 has shown that thermodynamic properties of electrolyte-

water systems are well represented by a combined electrolyte/nonelectro-

lyte equation for the Gibbs energy of mixing in which the electrostatic 

(Debye-HUckel) contribution and the short-range nonelectrostatic contri-

bution are additive: 

(11) 

The form of the electrostatic term (DH) used here has been derived by 

Pitzer13 from the pressure equation of statistical mechanics and con-

verted for use on a mole fraction scale; it may be written as 

1 

DH = -(l:nk) 4A (I /p) Q.n(l+pi ~) 
X X X 

(12) 
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where the sum is over all solution species, M
1 

is the solvent molecular 
1 

weight, and Ax= (1000/M1 )~A~. Our choice of values of the parameter p 

is discussed in more detail below. 

The choice of the form of the nonelectrostatic interaction term NE 

in Equation (11) is not clear cut and, in the absence of a sound statis-

tical model for solvent-electrolyte interactions at extreme solute con-

centrations, must be made on an empirical basis. The primary require-

ments to be satisfied are that the proper limiting behavior be observed 

at both ends of the composition range; that is, that the Gibbs energy of 

mixing must equal zero at both x1 = 0 and x
1 

= 1, and that the form 

chosen must accurately represent the full range of available data with 

a minimum number of adjustable empirical parameters. Prausnitz
14 

des-

cribes a number of forms which have.been used to describe nonidealities 

in nonelectrolyte mixtures. Of these, forms originating in the w,ork of 

Margules and van Laar are best suited to the present application. The 

van Laar expression 

NE = Gne/RT (13) 

modified slightly here from the conventional representation
15 

to reflect 

our use of the ionized mole fraction composition scale, is in practical 

use a two-parameter equation. The q1 and q2 parameters are not inde

pendently determinable from solvent activity data; to reflect this 

coupling of parameters, we rearrange Equation (13) and obtain 

NE 
2n

1 
n2 

= w 2 = wlnlx2/ (qxl + x2) 1 qn1 + n 2 
. (14) 
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The Margules expression for the nonelectrostat.ic interaction term is 

a power series in the difference between the mole fraction of component 

1 and that of component 2: 

NE = 6 Gne/RT 
m 

(15) 

In general, for systems which show small departures from "ideal behavior", 

that is, for systems in which a - x is small at all compositions, either w w 

Equation (14) or·Equation (15) may be used to represent the data with 

good accuracy. Indeed, in those cases in which the departure from the 

x = a line is very small and we may approximate q = 1, Equations (14) w w 

and (15) take exactly the same limiting form, with w1 = A. We have found, 

however, that the Margules expansion requires at least three empirical 

parameters to obtain a fit of equivalent quality to that obtained using 

the two-parameter van Laar nonelectrostatic term. Therefore, we will 

use the nonelectrostatic interaction term de.scribed by Equation (14) in 

our representation of experimental results for the (Li,K)No
3
-H20 system. 

For electrolyte solutions in which the departure of solvent activity 

from the x = a line is quite large, for example, in the case of the w w 

LiCl data of Gibbard and Scatchard, use of the van Laar nonelectrostatic 

interaction term does not result in adequate representation of activity 

data. Given the importance of an accurate representation of these data 

to the reduction of the isopiestic data, we have used a four parameter 

expansion of Equation (15) in our fit of these data. 

In addition, it should be noted that the form of the electrostatic 

interaction term differs between Equation (5) and that obtained through 

differentiation of Equation (12). Although both forms show the proper 

behavior as I approaches zero, the values obtained from the term 
X 
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described by Equation (5) are significantly smaller in the range in which 

extensions of the Debye-Htickel limiting law are no longer sufficient to 

reproduce experimental results. Our purpose in using the more compli-

cated form described by Equations (4) and (5) is to reproduce the data 

for lithium chloride within experimental accuracy with no inflections in 

plots of osmotic coefficient versus molality in the region of few experi-

mental data. In the case of the (Li,K)N~3 data, using the nonelectro

static term of Equation (14), the simpler form of Equation (12) is 

entirely adequate to represent the experimental data. 

Partial differentiation of Equation (11), with Equations (12) and 

(14) as the electrostatic and nonelectrostatic interaction terms, with 

respect to the number of moles of solvent n1 at constant temperature 

yields a working equation for the activity of water 

(16) 

where z2 = 2n/ (qn
1 

+ 2n
2

) and other quantities have been defined above. 

More detailed discussion of the choice of values of the parameter p 

is in order here. From the pressure equation of statistical mechanics, 

13 Pitzer has obtained an expression for the long range electrostatic 

contribution to the osmotic coefficient for solutions of symmetrical 

electrolytes 

(17) 

2 
where Z is the charge on either ion, i = _e __ (e is the solvent dielec

ekT 
. . 2 2 

tric constant; e, k and T retain their usual meanings), K = 4~iZ c 

where c is the ionic concentr·ation in ions per unit volume, and a is the 

hard core radius or distance of closest approach of the ions in solution. 
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For a 1-1 electrolyte K is related to the solution molality (and equival-

ently, ionic strength on a molality basis) through 

2 
2 8'11'e NAdl 

K = 1000 ekT I 

where d
1 

is the solvent density. Introducing the Debye-HUckel slope 

for the osmotic coefficient 

Equation (17) may be written in terms of the ionic strength as 

(18) 

(19) 

(20) 

Equation (20) may be used to obtain the electrostatic contribution 

to solvent activity on an ionized mole fraction basis. The mole fraction 

on an ionized basis for a 1-1 strong electrolyte is related to the 

molality through 

X = 2 2m/ [1000/~ +2m]; (21) 

at the very low mol?lities at which the Debye-HUckel limiting law is an 

accurate representation of solution properties, the approximation 

x2 = 2mM
1

/1000 is valid. The relation of ionic strength on an ionized 

mole fraction basis to the ionic strength on a molality basis is 

(22) 

Then 

4>-1 
1 1 

=-A [I ~/(l+pi ~)] 
X X X 

(23) 
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1 1 

where Ax = (1000/M1 )~A~ and p = (1000/M1 )~b. Substitution of Equation 

(23) into Equation (1) and noting that x2 is very small in the limiting~ 

law region leads to the electrostatic interaction term as written in 

Equation (16). 

In his work with 1-1 electrolytes at 298.15 K, Pitzer13 chose a 

value of b = 1.2, corresponding to a distance of closest approach of the 

ions of a = 4.3 x l0-10m. This value of a gives p = 8.94 at 298.15 K. 

Using the expression for the dependence of p on a, the temperature and 

solvent properties 

with a = 4.3 x l0-10m gives p = 11.0 at 373.15 K. However, the choice 

of b made by Pitzer from which these values of a and p were calculated 

was made empirically and was influenced by his expression for short-range 

interionic interactions. As the expression for nonelectrostatic inter-

actions used in this work is different from that used in choosing the 

value of b, it seems reasonable to choose a slightly different value of 

p to result in optimum fits of Equation (16) to solvent activity data. 

-10 A value of p = 14.9, corresponding to b = 2.0 and a = 5.8 x 10 m, was 

found to be satisfactory. Over the temperature range of this study, .the 

quality of fit of Equation (16) to solvent activity data is not affected 

by the small change of p with temperature described in Equation (24), and 

we use p as a temperature-invariant parameter in this work. 

Fitting procedure and parameter values 

Preliminary isothermal least-squares fitting of Equation (16) to the 

solvent activity data indicated that the temperature dependence of the 

parameters w1 and q could be represented by 
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(25) 

where P is either w
1 

or q, 6T = T - 373.15 K where T is the nominal 

experimental temperature (neglecting the small variations in temperature 

of the individual vapor pressure measurements) in Kelvins, and ap, bp, 

and cp are coefficients to be determined. The data set used in obtaining 

these parameters included 75 points at six nominal temperatures ranging 

from 373.15 to 436.15 K. The differential transpiration data of Tripp 

and Braunstein were given decreased weighting at 403.15, 413,15, and 

423.15 K in the overall fit in view of the limited portion of the 

composition range covered by these data. 

Fitted values of the parameters of Equation (25) and their estimated 

uncertainties are listed in Table 2. The standard error of fit to the 

activity data is 0.0034 in the solvent activity. A significant amount 

of this deviation is due to our having assigned equal weights to the two 

slightly different sets of data at 373.15 K, as described above. The 

results of the fit are compared graphically in Figures 5, 6, and 7 with 

experimental values near 373.15, 393.15, and 436.15 K, respectively. 

Given the decreased weight given the available data in the 403-423 K 

temperature range, the quadratic temperature dependence used with both 

w1 and q effectively allows independent fitting of the data sets at 373, 

393, and 436 K. The solvent activities at all temperatures were also 

fitted using a linear form for the dependence of both w1 and q on temper

ature; that is with c = c = 0. The parameters determined in this fit w q 

are also given in Table 2. The standard error of this fit was slightly 

larger, at 0.0037 in a , than that obtained in the quadratic fit. Fits 
w 

in which q was not varied with temperature were much less accurate and 
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Table 2. Parameters of Equation (25) 

Quadratic Fit 

bp X 102/K-l 4 -2 p ap cp X 10 /K 

wl -1.251 ± 0.037 1.56 ± 0.28 -1.25 ± 0.37 

q 1.144 ± 0.032 -1.53 ± 0. 26 1.36 ± 0.37 

Linear Fit 

p ap bp X 103/K-l 

wl -1.180 ± 0.023 6 •. 73 ± 0.55 

q 1.070 ± 0.022 -5.87 ± 0.56 
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Figure 5. The activity of water in the system (Li,K)N0
3

-H
2
o at 373 K. 
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Figure 6. The activity of water in the system (Li,K)No
3
-H

2
o at 393 K. 
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Figure 7. The activity of water in the system (Li,K)N01-H
2
o at 436 K. 

All points are experimental values of this study. 
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are not reported here. Although the quality of fit assuming the linear 

temperature dependence is comparable to the quadratic fit, subsequent 

calculations are based on the quadratic temperature fit with the goal of 

obtaining maximum accuracy in calculated values of other solution 

properties. 

Calculated values of solution thermodynamic properties 

Using the expression for the Gibbs free energy of this system and 

the values of the parameters of Equation (18), calculation of other 

thermodynamic properties is straightforward. Partial differentiation of 

Equation (12) with respect to the number of moles of solution species .! 

yields an expression for the electrostatic contribution to the logarithm 

of the activity coefficient of that species 

1
2z

2 
. . I 

= -A ____!_ in(l + I l/2) + (Z:I l/2 - 2I 312 ) I (1 + I l/2) 
X p pX l.X X pX 

(26) 

For the 1-1 electrolytes considered here, the electrostatic contribution 

to the mean ionic activity coefficient is then 

= 
-2A 

X 

The complete solute activity expression includes a term due to the non-

electrostatic interaction in the system, and requires that a choice of 

standard states of the solute be made. The usual choice made in work 

with electrolytes of finite solubility is to take y ± = 1 at x2 = 0; this 

convention gives 

(27) 

2A 
X 

p 
in(l+pixl/2) + ~ (I}/2_ 2Ix3/2)/(l+pixl/2)}. 

(28) 
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If the melting temperature of the electrolyte is such that. the pure fused 

salt exists at the temperature of interest, taking it as the standard 

state (y± = 1 at x2 = 1) changes the eX-pression for y± only by a constant: 

2A 
X 

p 
{in[(l+pi 112)/(1+2-112p)] 

X . 

+ £. (I 1/2- 2I 3/2) I (1 +pi 1/2)}. (29) 
2 X X X 

In Equations (28) and (29), w2 = w
1

/q and z
1 

= 1 -z2 • Solvent activities 

and logarithms of mean ionic activity coefficients calculated at regular 

mole fraction intervals using both the pure fused salt and the infinitely 

dilute solute standard states are listed in Table 3 at 373.15, 393.15, 

413.15, and 433.15 K. 

Partial temperature derivatives of solvent and solute activity co-

efficient expressions at constant composition yield equations for the 

relative partial·molal enthalpies of each component. Defining w' = 

aw/aT, q' = aq/aT and ~ = (1000/Mi)~~ wher.e. ~ is the Debye-Hlickel 

slope for the enthalpy, the relative partial molal enthalpy of the solvent 

is 

RT 
2T( 2 , ') _ ~x [I 3/2/(l+ I 1/2)] 

z2 w2zl q - w 2RT X p X • (30) 

Assuming the infinitely dilute standard state for the solute, 

+ ~X [l in(l+ pi 1/2) + (I 1/2 _ 2I 3/2)/ (l +pi 1/2)]. 
2RT p X X X X 

(31) 
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Table 3. Calculated Solvent Activities and Logarithms of Mean Ionic 
Activity Coefficients at Regular Temperatures and 'Hole Fraction 
Intervals for the System (Li,K)N0

3
-H

2
o. (= denotes infinitely 

dilute standard state.) 

T = 373.15 K 

"" xl x2 al R.ny± iny± 

.9500 .0500 .9554 -.6174 -.5917 

.9000 .1000 .9071 -.6493 ~.6236 

.8500 .1500 .8545 -.6322 -.6066 

.8000 .2000 .7980 -.5960 -.5704 

.7500 .2500 .7383 -.5507 -.5251 
6 

• .7000 .3000 .6761 -.5009 -.4752 
.6500 .3500 .6124 -.4492 -.4236 
.6000 .4000 .5480 -.3974 -. 3718 
.5500 .4500 .4838 -.3466 -.3210 
.5000 .5000 .4207 -.2976 -.2720 
.4500 .5500 .3597 -.2512 -.2256 
.4000 .6000 .3015 -.2079 -.1823 
.3500 .6500 .2469 -.1682 -.1426 
.3000 .7000 .1965 -.1326 -.1070 
.2500 .7500 .1509 -.1014 -.0758 
.2000 .8000 .1102 . -.0751 -.0495 
.1500 .8500 .0748 -.0540 -.0284 
.1000 .9000 .0447 -.0385 -.0129 
.0500 .9500 .0199 -.0289 -.0033 

T = 393.15 K 

= 
xl x2 al iny± iny± 

.9500 .0500 .9552 -.6297 -.5591 

.9000 .1000 .9058 -.6472 -.5765 

.8500 .1500 .8518 -.6175 -.5469 

.8000 .2000 .7939 -. 5718 -.5012 

.7500 .2500 .7331 -.5202 -.4496 

.7000 .3000. .6706 -.4671 -.3965 

.6500 .3500 .6073 -.4150 -.3444 

.6000 .4000 .5440 -.3651 -.2945 

.5500 .4500 .4817 -.3184 -.2478 

.5000 .5000 .4212 -.2752 -.2046 

.4500 .5500 .3630 -.2360 -.1654 

.4000 .6000 .3077 -.2008 -.1302 

.3500 .6500 .2557 -.1699 -.0993 

.3000 .7000 .2073 -.1432 -.0726 

.2500 .7500 .1628 -.1207 -.0501 

.2000 .8000 .1223 -.1025 -.0319 

.1500 .8500 .0859 -.0884 -.0178 

.1000 .9000 .0534 -.0785 -.0079 

.0500 .9500 .0248 -.0726 -.0020 
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Table 3 (continued) 

T = 413.15 K 
co 

xl x2 al R.ny 
± 

R.ny 
± 

.9500 .0500 .9552 -.6528 -.5091 

.9000 .1000 .9053 -.6629 -.5193 

.8500 .1500 .8506 -.6275 -.4838 

.8000 .2000 .7922 -.5784 -.4348 

.7500 .2500 .7314 -.5259 -.3823 

.7000 .3000 .6694 -.4741 -.3305 

.6500 .3500 .6070 -.4251 -.2814 

.6000 .4000 .5453 -.3797 -.2360 

.5500 .4500 .4848 -.3384 -.1948 

.5000 .5000 .4263 -.3015 -.1579 

.4500 .5500 .3701 -.2689 -.1253 

.4000 .6000 .3166 -.2405 -.0969 

.3500 .6500 .2660 -.2162 -.0725 

.3000 .7000 .2185 -.1958 -.0521 

.2509 .7500 .1743 -."1790 -.0354 

.2000 .8000 .1332' -.1658 -.0221 

.1500 .8500 .0953 -.1558 -.0122 

.1000 .9000 .0606 -.1489 -.0053 

.0500 .9500 .0288 -.1449 -.0013 

T = 433.15 K 
co 

xl x2 al R.ny± R.ny± 

.9500 .0500 .9557 -.7009 -.4435 

.9000 .1000 .9064 -.7197 -.4622 

.8500 .1500 .8523 -.6902 -.4327 

.8000 .2000 .7947 -.6464 -.3889 

.7500 .2500 .7348 -.5987 -.3412 

.7000 .3000 .6736 -.5516 -.2941 

.6500 .3500 .6122 -.5070 -.2495 

.6000 .4000 .5514 -.4659 -.2084 . -· 

.5500 .4500 .4917 -.4288 -.1713 

.5000 .5000 .4339 -.3957 -.1382 

.4500 .5500 .3782 -.3667 -.1.092' 

.4000 .6000 .3249 -.3416 -.0841 

.3500 .6500 .2743 -.3202 -.0627 

.3000 .7000 .2266 -.3023 -.0449 

.2500 .7500 .1817 -.2878 -.0303 

.2000 .8000 .1398 -.2764 -.0189 

.15oo· .8500 .1007 -.2678 -.0103 

.1000 .9000 .0644 -.2620 -.0045 

.0500 .9500 .0309 -.2586 -.0011 



If the pure fused salt is adopted as the standard state, 

+ ~x {-~ t[(l+ I l/2)/(l+ 2-l/2 )) +(I l/2_ 2I 3/2)/(l+ I 1/2)} 
2RT p n p X p X X p X 

(32) 

The ~nthalpy of mixing may be calculated from these results using the 

relation 

(33) 

using the pure fused salt standard state, 

t.mH/(n1+2n2)RT = Tx
1

z2 [w
2

z
1
q'-w'] + ~ Ix tn[(l+pixl/ 2)/(1+2-l/ 2p)) 

(34) 

Given the lack of experimental enthalpy or heat capacity data for 

this system and the sensitivity of these derivative properties to the 

temperature dependence form of the free energy expression, no attempt 

has been made to calculate second derivative properties (heat capacities). 

Even the enthalpies calculated using Equations (30) - (34) must be re-

garded as imprecise. Using the quadratic temperature dependence form 

for the parameters w
1 

and q 

w' = b + 2c (T- 373.15) 
'W 'W 

q' = b + 2c (T- 373.15) 
q q 

(35) 

and the Debye-Hlickel slope for the enthalpy from Bradley and Pitzer
9 

(~/RT = 2.10 at 393.15 K), values of these properties have been calcu-

lated at regular mole fraction intervals at 393.15 K. These values are 

listed in Table 4. 
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Table 4. Partial Molal Enthalpies of Solution Components and Heats of 
Mixing for the System (1i,K)N0

1
-Hz0 at 393.15 K. (cc denotes 

infinitely dilute standard state.) 

- CD 

12 12 !::. H 
Ll/RT 

m 
xl x2 RT RT RT 

.9500 .0500 .0072 .3021 -1.4502 -.0295 

.9000 .1000 .0371 -.4385 -2.1908 -.0762 

.8500 .1500 .0793 -1.0350 -2.7873 -.1417 

.8000 .2000 .12.J1 -1.4525 -3.2048 -.2220 

.7500 .2500 .1584 -1.6991 -3.4514 -.3126 

.7000 .3000 .• 1757 -1.7933 -3.5456 -.4088 

.6500 .3500 .1663 -1.7563 -3.5087 -.5059 

.6000 .4000 .1219 -1.6103 -3.3626 -.5994 

.5500 .4500 .0349 -1.3767 -3.1290 -.6848 

.5000 .5000 -.1017 -1.0762 -2.8285 -.7580 

.4500 .5500 -.2944 -.7287 -2.4810 -.8148 

.4000' .6000 -.5493 -.3530 -2.1053 -.8513 

.3500 .6500 -.8719 .0332 -1.7191 -.8639 

.3000 .7000 -1.2674 .4132 -1.3391 -.8489 

.2500 .7500 .-1. 7406 • 7714 -.9809 -.8030 

.2000 .8000 -2.2956 1. 0930 -.6593 -.7228 

.1500 .8500 -2.9366 1. 3644 -.3879 -.6054 

.1000 .9000 -3.6672 1. 5726 -.1797 -.4476 

.0500 .9500 -4.4906 1. 7056 -.0467 -.2467 
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4. Conclusions 

Solvent activity in the system (Li,K)No
3

-H
2
o is well represented 

by assuming a simple expression for the Gibbs free energy of mixing in 

which the electrostatic and nonelectrostatic contributions are additive. 

The electrostatic term is positive at all compositions, while, given the 

optimized values of the parameters of the nonelectrostatic term, the 

contribution to the Gibbs energy of mixing from these short-range inter

actions is less than zero across the entire composition range. The 

relative magnitude of the electrostatic and nonelectrostatic contributions 

to the solvent activity leads to positive or negative deviations from 

"ideal" behavior; that is, from the line x
1 

= a1 . 

Variation of the solvent activity with temperature over the range 

studied here is not large, leading to small calculated values for the 

relative partial molal enthalpies of the solution components and the 

enthalpy of mixing. Experimental determination of solution enthalpies 

or heat capacities would be most useful in choosing a functional form 

for the temperature dependence of the parameters of this model. 

Finally, the treatment of this mixed electrolyte system as a single 

ionic solute in water is an artificial limitation imposed by the nature 

of the data reported here. Experimental results on other mixed and 

pure electrolyte systems including lithium or potassium nitrate should 

provide a basis for distinguishing the contribution of each solute 

component to the overall solution properties discussed here. 
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1. 

Chapter II 

Treatment of Mixed and Pure Electrolytes in Water Using 
the Electrostatic-Nonelectrostatic Interaction Model 

Introduction 

In the preceding section, a simple model for the Gibbs free energy 

of mixing in electrolyte-polar molecular solutions in which the electro-

static and nonelectrostatic contributions were assumed to be additive 

was used to accurately describe the observed solvent activities in the 

system (Li,K)No
3

-H2o. Contributions of individual solute species to 

the observed thermodynamic properties of the system could not be dis-

tinguished due to the invariance of the salt mole ratio ~i/~; thus the 

mixed alkali nitrate solute was treated as a single ionic solute. 

As a step toward removing this limitation, activities of solvent 

near 373 K determined in static vapor pressure measurements on the 

systems (Li,NH
4

)N0
3
-H

2
o and (K,NH

4
)No

3
-H2o are presented here. These 

1 results, the solvent activities calculated from isopiestic experiments 

for several systems using the (Li,K)No
3

-H
2
o system described previously 

as the isopiestic standard, and the available solvent activity data for 

2 3 the systems (Ag,Tl)N0
3

-H
2

o and (Ag,Tl,Cs)N0
3

-H2o are discussed in 

terms of their contributions toward a generalized multicomponent exten-

sian of the model presented previously. 

2. Experimental Section 

Chemicals 

Lithium nitrate was prepared by neutralization of lithium hydroxide 

4 as described previously. Potassium nitrate (Mallinckrodt AR Grade, 

Lot No. KMBA) and ammonium nitrate (Mallinckrodt AR Grade, Lot No. KJAD) 
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were dried over P
2
o

5 
in a vacuum desiccator for 2 days before using. 

Solution Preparation 

The (Li,NH
4

)N0
3 

mixed salt was prepared by introducing sufficient 

dry solid lithium and ammonium nitrates into a round bottom Pyrex flask 

to result in the desired NH
4

/Li .mole ratio. This ratio was held at 2.92 

(75.5 mol percent NH4) for all experiments. The salts were dried and 

thoroughly mixed by repeated fusion under vacuum; solution preparation 

and degassing were then carried out in the same manner as for the 

. 5 
(Li,K)N0

3 
system. 

The (NH4 ,K)No
3 

salt mixture could not be prepared in this manner. 

The off-eutectic salt mole ratio desired (25.5 mole percent K) is fused 

6 at about 470 K. At this temperature, the vapor pressure of ammonium 

7· nitrate is approximately 2 mm Hg. This vapor pressure is sufficient 

to result in slight changes in salt mixture composition if the usual 

procedure of fusion under vacuum were employed. Noting that the 

(NH4 ,K)N0
3

-H2o system is not miscible over the entire fused salt-pure 

solvent composition range, a solvent-free fused salt mixture was un-

necessary for solution preparation. A very concentrated stock solution 

(x < 0.4) was prepared using dry solid salts, with solutions of the 
w 

desired solvent mole fraction prepared by dilution of the stock solution. 

Pressure measurement and composition determination 

Final solution degassing, solvent vapor pressure measurement and 

final solution composition determination were carried out as described 

for the (Li,K)N0
3

-H
2
o system. A slight modification of the final 

composition determination procedure was necessary for the (NH4 ,K)N03 

system, as the mixed salt could not be fused under vacuum in the drying 

process. For this system, the salt mixture was heated repeatedly to 
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a temperature slightly below the salt mixture fusion temperature over a 

period of 2-3 days while under vacuum, then placed in a vacuum dessic-

cator over P
2
o

5 
for 1-2 days before determfning the salt gross weight. 

Results 

Experimental temperatures, mole fractions of solvent on an ionized 

basis, and vapor pressures are listed in Table 1 for the systems 

water at experimental temperatures and second virial coefficients used 

to calculate fugacities of water vapor from the vapor pressures were 

8 obtained using the equation of.state for water developed by Haar et al. 

3. Discussion 

Calculations based on single ionic solute assumption 

The results presented above may be treated in the same manner as 

the (Li,K)N0
3

-H
2
o solvent activities reported previously; that is, using 

an additive electrostatic-nonelectrostatic interaction model to repre-
I 

sent the Gibbs free energy of mixing in which the mixed salt solute is 

treated as a single electrolyte. Vsing the expression for the Gibbs 

free energy of mixing 

the activity of the solvent may be written as 

exp[w z2
2 +2A I 312 /(l+pi 112)]. al = Xl 1 X X X 

In Equations (1) and (2) , x
1 

and x
2 

are the mole fractions of solvent 

and solute assuming complete dissociation of the 1-1 electrolyte: 

(2) 
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Table 1. Experimental Vapor Pressures and Derived Solvent Activities for 
the Systems (K,NH4)N0

3
-H20 and (Li,NH

4
)N0

3 

(K,NH4)N0
3
-H

2
o ·-

Po f f 
T/K ~ 0 

xl kPa kPa kPa kPa al 

372.78 .9189 - 93.268 99.977 91.979 98.496 .9338 
373.12 .8577 89.142 101.231 87.969 99.720 .8822 
372.57 .8034 82.997 99.250 81.973 97.786 .8383 
373.23 .7455 80.043 101.604 79.098 100.084 .7903 
373.46 .7434 80.425 102.466 79.474 100.924 .7875 
373.04 .6347 69.866 100.928 69.144. 99.424 .6954 
373.32 .6132 68.642 101.931 67.948 100.402 .6768 
373.34 .4216 50.303 102.018 49.929 100.487 .4969 
372.86 .4099 48.547 100.263 48.197 98.776 .4879 
372.74 .3336 40.769 99.834 40.521 98.357 .4120 

373.70 .9171 94.650 103.338 93.337 101.774 .9171 
373.32 .8653 88.131 101.934 86.988 100.406 .8664 
372.82 .8004 80.079 100.145 79.128 98.660 .8020 
373.88 • 7187 74.235 103.982 73.429 102.403 • 7171 
373.40 .6217 61.234 102.247 60.681 100.711 .6025 
373.32 .5565 54.594 101.927 54.154 100.399 .5394 
373.60 .5552 55.134 102.960 54.687 101.406 .5393 
373.32 .4357 39.826 101.923 39.592 100.395 .3944 
373.49 .3746 33.157 102.557 32.995 101.013 .3266 
373.22 .2443 19.433 101.582 19.377 100.062 .1937 
373.32 .1045 7.345 101.942 7.337 100.413 .0731 

3 -2 -2 1 kPa = 10 Nm = 10 bar 



. o• 

The ionic strength on a mole fraction basis I is given by 
X 

The Debye-HUckel slope on a mole fraction basis A is larger than the 
X 

(3) 

slope of the osmotic coefficient on a molality basis A~ by a factor of 

(1000/M1)~. Values of Ax used in this work are adapted from the A~ 

values given by Bradley and Pitzer. 9 The van Laar solute fraction z
2 

is given by 

(4) 

w1 and q are dimensionless parameters to be determined in least-squares 

fits of solvent activity data. 

By analogy with the ionic closest approach parameter on a molality 

10 basis discussed by Pitzer, the value of p, the closest approach para-

meter on a mole fraction basis, should be generally applicable to a 

broad class of similar systems if the representation of the short-range 

interactions remains the same. Therefore, we adopt the value p = 14.9 

chosen for the (Li,K)No
3 

system as applicable to the systems discussed 

here. 

The parameters w
1 

and q and their statistical uncertainties as 

determined through least-squares fitting of solvent activity data are 

w = 0.190 ± 0.020 1 

w1 = -0.641 ± 0.067 

q = 1.29 ± 0.13 

q = 0.95 ± 0.11 

for (Li,NH4)No
3
-H

2
0. The standard errors of fit are 0.0011 and 0.0065 
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in the solvent activity for the two systems. Comparison of.experimental 

and calculated solvent activities for the two systems in Figures 1 and 2 

shows very good agreement at all compositions for both systems. 

Solvent activity data for other mixed and single nitrate systems in 

water may also be represented using Equation (2). Braunstein and 

1 Braunstein have.measured isopiestic solution compositions at 373, 393, 

and 423 K for (Li,K)N0
3

, (Li,Cs)N0
3 

and LiN0
3 

solutions. The isopiestic 

compositions reported by these authors include sets of values for two 

sligh~ly different cation mole ratios in the mixed cation systems. The 

work reported earlier on the (Li,K)N0
3
-H

2
o system with mole ratio 

Li/K = ·1.014 allows the use of this system as an isopiestic standard at 

all temperatures studied. Given the solvent activities and mole frac-

tions, the parameters w
1 

and q may be determined for each formally 

single-solute system. Temperature dependence of the parameters may be 

represented using a quadratic expression for each parameter 

(5) 

where P is w1 or q and ~T = T - 373.15 K. Values and statistical un

certainties of the parameters of Equation 5 are listed in Table 2 with 

the standard errors of fit in the solvent activity for each system. 

Preliminary fits using the temperature dependence form of Equation 

(5) showed that for the isopiestic results discussed here, the overall 

fit of the solvent activity data for each system is not greatly affected 

by assuming linear temperature dependence of the parameters w1 and q. 

Fits of all systems were repeated assuming cp = 0 for both w1 and q; the 

results of these fits are also listed in Table 2. The fit quality is 

decreased slightly for the (Li,Cs)N0
3

-H2o systems and for the 

(Li,K)N0
3
-H

2
o system in which the Li/K mole ratio is held at 1.014 if the 
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(K, NH4 )N03 -H20 

373 K 

1.0 
XBL838-6191 

Figure 1. The activity of water in the system (K,NH
4
)No

3
-H

2
o at 373 K. 

All points are experimental values of this study. 
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Figure 2. 

(Li, N H4) N03- H20 

373 K 

1.0 
XBL838- 6190 

The activity of water in the system (Li,NH
4

)No1 at 373 K. 
All points are experimental values of this stuoy. 
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Table 2. Parameters of Equation (5) Determined in Least-squares Fits of lsopiestic Data 1 

Quadratic Temperature Dependence 

Solute Parameter bp x 102/K-l 4 -2 
ap cp X 10 /K a x 10 

a 
-1.251 ± 0.037 3.4 (Li,K)N0

3 wl 1. 56 ± 0.28 -1.25 ± 0.37 

q 1.144 ± 0. 032 -1.53 ± 0.26 1. 36 ± o. 37 
. b 

-1.259 ± 0.034 1.46 ± 0.31 -1.01 ± 0.54 2.23 (Li,K)N0
3 wl 

q 1.118 ± o. 029 -1.39 ± 0.28 1.02 ± 0.49 

c -0.998 ± 0.037 1.07 ± 0.34 -0.79 ± 0.58 2.68 (Li,Cs)N0
3 wl 

q 1. 203 ± 0.45 -1.92 ± 0.41 1.91 ± o. 71 

d -1.011 ± 0.036 1.52 ± 0. 31. -1.41 ± o. 52 2.38 (Li,Cs)N0
3 wl 

q 1. 287 ± 0. 045 -2.53 ± 0.39 2.62 ± 0.67 

LiN03 w1 -3.155 ± 0.089 2.56 ± 0.87 -1.21 ± 1.54 3.01 

q 0.875 ± 0.021 -0.52 ± 0.21 0.36 ± 0.39 

3e 

.p. 
1.0 



Table 2 (continued) 

Linear Temperature Dependence 

Solute Parameter ap bp X 103/K-l CJ X 10 

a -1.180 ± 0.023 6.73 ± 0.55 3.7 (Li,K)N0
3 wl 

q . 1.070 ± 0.022 -5.87 ± 0.56 

b -1.225 ± 0.025 9.03 ± 0.63 2.15 (Li,K)N0
3 wl 

q 1.086 ± 0.022 -8.43 ± 0.61 

c -0.957 ± 0.035 7.43 ± 0.87 3.26 (Li,Cs)N0
3 wl 

q 1.194 ± 0.45 -11.0 ± 1.2 

d -0.973 ± 0.037 6.53 ± 0.95 3.51 (Li,Cs)N0
3 wl 

q 1.144 ± 0. 045 -0.16 ± 1. 22 

LiN0
3 wl -3.129 ± 0.070 19.5 ± 1.8 2.97 

q 0.868 ± 0.017 -3.42 ± 0.48 

a 50.34 mole percent LiN03; includes data reported in this study, 
Chapter I. 

b . 
51.29 mole percent LiN03• 

c 49.42 mole percent LiN0
3

. 

d 47.83 mole percent LiN03. 

e Standard error of fit in solvent activity units. 

t l 

3e 

lJ1 
0 



temperature dependence of the nonelectrostatic parameters is assumed to 

be linear; fit quality in the other systems is slightly improved. 

Vapor pressures of water have been measured at 371.65 K over the 

entire range of solvent 

and for x
1 

< 0.4 in the 

2 mole fraction for the system (Ag,Tl)No
3

-H
2
o, 

3 system (Ag,Tl,Cs)No
3

-H
2
o. The Ag/Tl mole ratio 

was held at 1.14 in all experiments; the cesium content in the melt was 

varied from zero to 10 mole percent. For each set of vapor pressures 

at constant melt composition, the single-solute approximation has·been 

used to determine wl and q. These values, with standard errors of fit, 

are reported in Table 3. 

While solvent activities in ·these systems are well represented by 

the form of Equation (2) and the effective single solute approximation, 

inspection of Tables 2 and 3 shows that several of these systems will 

be of limited use in attempts to distinguish the effects of a given 

stoichiometric solute MX on the solution thermodynamic properties. For 

example, variation in the composition of a mixed solute. would be expected 

to have an effect on the observed solvent activity at a given solvent 

mole fraction; this change would appear in Tables 2 and 3 as a change 

in the values of the nonelectrostatic interaction parameters. This is 

observed in the (Ag,Tl,Cs)No
3

-H
2

0 system, in which the trend is toward 

increasing values of w
1 

and q with increasing mole fraction cesium in 

the melt. However, the cesium mole fraction range covered by the 

available data is not extensive; in any case, given that the mole ratio 

Ag/Tl remains constant throughout, it seems unlikely that any repre-

sentation based solely on these data would successfully decouple the 

observed solvent activities into contributions attributable to inter-

actions with a given solute species. 
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Table 3. Nonelectrostatic Parameters for the System (Ag,T1,Cs)-
N03-H2o at 371.65 K 

a 
Mol pet. Cs in Melt wl q a x 103 

0. 0 ~. 0.838 ± 0.004 0.554 ± 0.005 3.34 

2~5 0.845 ± 0.005 0.552 ± 0.009 2.18 

5.0 0.851 ± 0.005 0.569 ± 0.009 2.16 

7.5 0.857 ± 0.005 0.585 ± 0.010 2.18 

10.0 0.870 ± 0.005 0.609 ± 0.009 2.16 



. 
" 

For th~ (Li,K)N0
3 

and (Li,Cs)N0
3 

mixed systems, the effect of 

changing melt mole ratio on the solvent activity is even less clear. 

The very small differences in solute mole ratio, while having a small 

effect on the observed solvent activities, have, within limits of 

statistical uncertainty, no effect on the values of the short-range 

interaction parameters. 

Description of individual component contribution to solution properties 

The multicomponent generalization of the two-component nonelectro-

11 
static interaction term of Equation (1) or (2) is well-known. Prausnitz 

discusses the method of Wohl as applied to ternary systems in some 

detail. A portion of this treatment is applicable here, with redefini-

tion·of some quantities to reflect our use of w
1 

and q as the parameters 

of the related two-component expressions. 

Assuming that three body and higher interactions in the system may 

be neglected, and without considering electrostatic effects, the excess 

Gibbs energy due to short-range interactions in the system is given by 

6 Gex = 
m NE 

in which the zi are interaction-dependent composition variables 

(6) 

and similarly for z2 and z3 • The coefficients aij are imprecisely 

related to the interaction energy between species i and j in solution. 

Partial differentiation of Equation (6) with respect to the number 

of moles of solvent n
1 

yields an expression for the nonelectrostatic 

contribution to the logarithm of the activity coefficient of the solvent 
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(7) 

In Equation (7), 

(Sa-f) 

analogous to the definitions of. w
1 

and w
2 

in the two-component system. 

The three-component analogue of q is slightly less straightforward. 

Writing out the van Laar solution component 

(9a) 

(9b) 

(9c) 

it may be noted that there are six quotients possible among pairs of qi. 

For the closest parallel with the convention established in work with 

two-component systems, we define 
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(lOa,b) 

Equation (7) then may be written in terms of five empirical parameters: 

w12 , w13 , w23 , q12 , and q
32

. However, it must be noted that this choice 

of parameter sets is not unique. For example, inspection of Equations 

(Sa-f) shows that the qfj parameters are equivalent to quotients of the 

related wij parameters: 

(lla) 

(llb) 



• 

No redefinition of parameters or combination of any parameters results 

in a decrease in the total number of independent empirical parameters 

required in Equation (7). 

As noted by Prausnitz, all these parameters are determinable from 

data on the various binary systems. Unfortunately, data on the binary 

fused salt mixtures are lacking at the temperature of interest. Addi-

tionally, data on several of the electrolyte-water binary systems, 

notably KN03-H2o, AgN0
3
-H

2
o, CsN0

3
-H

2
o, and TlN0

3
-H

2
o, are unavailable 

at elevated temperatures and concentrations. Attempts to fit the para-

meters of Equation (7) to the available solvent activity data for mixed 

electrolyte-water systems have not yet been successful, due to the close 

coupling of the parameters and the previously discussed limitations on 

the electrolyte mole ratios which have been ·studied. 

Even without precise values of all parameters of Equations (7), it 

is possible to discern broad trends for the various systems through in-

spection of the parameters listed in Tables 2 and 3. In Table ·2, the 

ap values listed are the values of the parameters w1 and q for the 

various systems at 373.15 K, and are most useful for comparison. The 

larger w
1 

values for the (Li,Cs)N0
3 

and (Li,K)N0
3 

systems compared with 

that of the LiN0
3 

system imply higher solvent activity coefficients 

across the composition range for the mixed nitrate systems. Neglecting 

the effects of salt mixing in Equation (7), this would imply larger 

solvent activity coefficients for the KN0
3 

and CsN0
3 

solutions than for 

·the LiN0
3 

solutions. It is interesting to note that this is the same 

trend observed by Holmes and Mesmer12 in their work with alkali chloride 

solutions at elevated temperatures for relatively concentrated solutions; 

namely, that solvent activity at a given solution composition increases 
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in the order Li < Na < K < Cs in the common anion (chloride system 

studied by these authors. 

For the (Ag,Tl,Cs)N03-H2o systems the trend with increasing cesium 

content in the melt is less clear due to the small maximum cesium mole 

fraction. Using the parameters of Table 3, the calculated water activity 

in (Ag,Tl,Cs)N0
3 

solutions (10 mol pet. Cs) at xw = 0.25 is greater than 

that in the (Ag,Tl)N0
3
-H2o system at the equivalent water mole fraction. 

However, at x = 0.75, for example, this effect is reversed, with the w 

activity of water in the (Ag,Tl)N0
3 

system slightly above that of the 

cesium-containing system. 

From the results reported here on the (Li,NH
4

)N0
3

-H2o system, it is 

clear that solvent activities at given solution compositions are in-

creased over those observed in the LiN0
3 

solutions when ammonium is pres

ent in a mixed solute. The magnitude of this effect in relation to that 

of potassium or cesium cation is currently unclear. 

4. Conclusions 

The combined electrostatic-nonelectrostatic interaction model may 

be used to represent thermodynamic properties of a number of mixed 

nitrate-water systems exte~ding from dilute aqueous solutions to extreme 

salt concentrations. At this time, treatment of mixed electrolyte 

systems involves the assumption of an effective single electrolyte. The 

necessity of this assumption significantly limits the general applic-

ability of the representation. Further theoretical work directed toward 

removing this limitation is currently in progress. 
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Chapter III 

The System Tetra-_!!-butylammonium Picrate ~- _!!-butyl Alcohol 

1. Introduction 

Solvent vapor pressures over the system tetra-n-butylammonium picrate 

--_!!-putyl alcohol have been measured using the apparatus and techniques 

described previously. At the temperature of this study, the system is 

miscible in all proportions. This system is of particular interest, as 

conductivity measurements1 are available which imply incomplete solute 

dissociation at low salt concentrations. This ion association, not gen-

erally observed in aqueous solutions of 1-1 electrolytes at moderate tem-

peratures, is a result of the low dielectric constant of this solvent. 

We discuss the observed solvent activity behavior in terms of the electro-

static-nonelectrostatic interaction model described previousiy, both with 

and without explicit consideration of ion pairing. It is noted that the 

effect of the ion-association equilibrium on the solution thermodynamic 

properties is never large in the composition range studied here. 

2. Experimental Section 

Chemicals and procedure 

-1 The picrate salt (mol. wt. 470.60 g·mol ) was prepared by Dr. A. G. 

Loomis. Aqueous tetra-n-butylammonium hydroxide was neutralized with 

picric acid. The resulting precipitate was filtered, washed with water, 

and redissolved in hot 95% ethanol. Water was added to the alcohol 

solution, precipitating the picrate, until no further precipitation 

was observed. The precipitate was filtered and washed with water to 

remove residual alcohol. Several repetitions of this procedure 

yielded a finely divided bright yellow salt with anobserved melting 
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point of 362.65-363.15 K. The purified salt was stored over P
2
o

5 
in a 

vacuum desiccator to remove water. Spectrophotometric Grade n-butyl 

alcohol (Mallinckrodt, Lot No. KHKX) was used as received. 

Solutions were prepared by dissolving measured amounts of the dry 

picrate salt, with heating when necessary to insure complete dissolution, 

in sufficient solvent to result in a solution of approximately the 

composition desired. The solution was transferred into a Pyrex sample 

cell; degassing, vapor pressure measurement and final composition 

determination were .carried out using the apparatus and procedure 

2 previously described. 

Results 

Assuming complete dissociation of the solute, the mole fractions 

or solute and solvent are given by 

(1) 

Experimental compositions assuming complete dissociation, temperatures, 

vapor pressures, fugacities and solvent activities are listed in Table 1. 

Vapor pressures of pure n-butanol at experimental temperatures were 

3 calculated from the results of Butler, Ramchandani and Thomson. 

Fugacities were calculated from vapor pressures using the relation 

f = p exp(Bp/RT); 

the value of the second virial coefficient B is -1438 cm3 mol-l at 

373 K. 4 

(2) 
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Table 1. Experimental Vapor Pressures and Derived Solvent Activities 
for the System Tetra-~-butylammonium Picrate - ~ butyl Alcohol 

Po f f 
T/K ....£..... 0 

xl kPa kPa kPa kPa al 

373.09 .9200 52.558 53.425 51.294 52.118 .9842 
373.57 .8964 53.245 54.472 51.947 53.114 .9780 
373.16 .8504 51.377 53.589 50:168 52.274 .9597 
372.89 ·• 7938 51.266 53.008 50.063 51.721 .9679 
373.49 .7500 50.716 54.297 49.538 52.948 .9356 
372.63 .7086 49.036 52.456 47.934 51.196 .9363 
372.96 .6268 46.035 53.156 45.063 51.862 .8689 
372.91 .~721 44.066 53.040 43.175 51.752 .8343 
373.31 .4531 37.893 .. 53.904 37.233 52.574 .7082 
372.70 .4225 36.494 52.604 35.882 51.337 .6990 
372.57 .3624 31.657 52.340 31.196 51.085 .6107 
372.87 .2619 24.422 52.973 24.147 51.688 .4672 
373.28 .1803 16.948 53.626 16.815 52.310 .3215 
373.39 .0558 5.752 54.085 5.736 52.746 .1088 

3 -2 1 kPa = 10 Nm -2 = 10 bar 

•. 
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3. Discussion 

Calculations assuming complete solute dissociation 

5 Using the van Laar representation for nonelectrostatic interactions 

in the picrate-butanol system, the activity of the solvent may be written 

as 

(3) 

where the second term in the exponential expression is the electrostatic 

contribution to the logarithm of the activity coefficient of the solvent. 

In Equation (3), z
2 

= xz! (qx
1 

+ x
2

) , the ionic strength on a mole fraction 

1 2 
basis is Ix = 2 ~xizi , and MI is the solvent molecular weight; w1 and 

q are empirical parameters to be determined in least-squares fits of 

experimental results. The factor A is the Debye-Hlickel slope on a mole 
X 

fraction basis and is given by 

where d
1 

is the solvent density and E is the dielectric constant; taking 

-31 7 8 
d1 = 0.758 g·cm and E = 9.4 ' gives a value of Ax= 21.58 at 373 K. 

If SI units are used, E must be multiplied by a factor of 4~€ , where 
0 

E is the permittivity of free space. 
0 

The parameter p is related to the distance of closest approach of 

6 the ions in solution; the value of p for this system should be expected 

to differ significantly from that observed with smaller ions in aqueous 

solutions. The relation between p and the closest approach distance a 

is 

(5) 
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Trial fits of Equation (3) to solvent activity data were used to 

determine an optimum value of p = 19.5 for this system; this implies 

a = 7.2 1. This result may be compared with an approximate calculation 

-31 
of a based on solute density. Using d

2 
= 1.105 g·cm · 

- 1/3 ° a = (M2/2NAd 2) = 7.1 A, in very good agreem~nt with the value 

chosen on the basis of the solvent activity fits. 

Least--squares optimized values,and statistical uncertainties of 

the parameters w
1 

and q are 

= -0.419 ± 0.062 q = 1.46 ± 0.24; 

the standard error in the solvent activity fit using these values is 

0. 0091. The general agreement of the calculated and experimental 

solvent activity values is very good, with no systematic deviation in 

any portion of the composition range. Calculatedand experimental 

solvent activities are compared graphically in Figure 1. 

Calculations based_ on solute association equilib.rium 

In his measurements of the conductivity of picrate-butanol solu-

1 
tions across the entire composition range at 364.15 K, Seward noted 

that the observed conductivity behavior implied incomplete dissociation 

of the picrate salt at low concentrations, with the conductance-

viscosity product at higher salt concentrations similar to that for 

fully ionized systems. On the basis of these conductivity measurements, 

Pitzer and Simonsbn9 have calculated an equilibrium constant for the 

association reaction 

A++ P = AP 

(6) 
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0. 

Figure 1. 

1.0 

X8L838-6170 

The activity of n-butanol in the system tatra-n-buty1;._ 
ammonium picrate-- ~-butyl alcohol at 373 K. All points 
are experimental values of this study. 
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+ where A , P and AP indicate tetra-n-butylammonium cation, picrate anion 

and ion pair species, respectively, and the xi, yi are the mole frac

tions and activity coefficients of each species. If e represents the 

fraction of the solute which is associated, the mole fractions of the 

solution components may be written as 

(7a) 

(7b) 

(7c) 

where the subscripts 1, 2, 3 refer to solvent, individual ionic species 

+ A or P and ion pairs. Writing the Gibbs energy of mixing in this 

system as 

4en2 ~ 
---A· in(l+ pi ) 

p X X 
(8) 

the value of e at any solution composition may be determined by mini-

mizing the Gibbs energy with respect to e at that composition. The 

ion pairing equilibrium expression is then 

1 2 
The ionic strength of this system is Ix = 2 Exizi ; noting that only 

charged species contribute to the sum in this expression, for this 1-1 

electrolyte Ix = y
2

• 
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Iterative solution of Equation (9) yields values of the association 

fraction e at all compositions. The nonelectrostatic parameters w
1 

and 

q may then be determined by least squares fitting to solvent activity 

data using the relation 

in a
1 

=in y + w z 2 + 2A [I 312/(l+pi l/2)] 
1 1 2 X X X 

(10) 

2 where the nonelectrostatic term w
1

z2 retains the same definition used 

in the calculation in which complete ionization was assumed. Using the 

optimum value of p=l8.5 chosen by trial in a series of fits, the least-

squares optimized values of w
1 

and q are 

w
1 

= -0.453 ± 0.052 q = 1.25 ± 0.17 

with a standard error of fit of 0.0089 in the solvent activity. This 

fit is slightly improved over that of the earlier calculation in which 

ion pairing was not considered, although the fitted curves are 

indistinguishable on the scale of Figure 1. 

Solvent and solute activities may be calculated using the para-

meters given above. The logarithm of the ionic solute activity may be 

written as 

in a 2 = 2 in x + 2 in y+ 
s -

(11) 

where xs is the mole fraction of dissociated (ionic) solute and y± is 

the mean ionic activity coefficient. In terms of the mole fraction of 

either charged solute species y
2

, 

(12) 

If the infinitely dilute solution is taken as the solute standard state 
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A {1_ ~n(l +pi l/2) + (I l/ 2 - 2I 312) / (1 + I l/2) 
xp X X X pX 

(13) 

If the pure fused salt is taken as the solute standard state, the expres-

sian for the mean ionic activity coefficient is complicated by the fact 

that the association fraction 6 is not necessarily zero for the pure 

* fused salt. Using 8 to denote the association fraction in the pure 

solute, 

I 
X 
* * * = (1-8 )/(2-8 ). 

Then the mean ionic activity coefficient assuming the pure fused salt 

standard state is 

+A {y *~(l-2y *)/(l+py *~) + P2 ~n(l+py2*~)}. X 2 2 2 

(14) 

(15) 

The limiting value of the association fraction calculated using Equation 

* (8) is e = 0.0193. In Equations (13) and (14), w
2 

= w1 /q and z1 = 1- z2• 

Nominal solvent mole fractions assuming complete solute dissociation, 

association fractions, mole fractions of solvent, either charged solute 

species and ion pairs calculated using the association fraction values, 

experimental and calculated solvent activities and logarithms of ionized 

solute activities calculated using both the infinitely dilute and pure 

fused salt standard states are listed in Table 2 at experimental values 

of the nominal solvent mole fraction. Although the mole fraction of the 

associated species increases steadily across the composition range, the 

fraction of the total solute which is associated, 8, drops rapidly with 

increasing solute mole fraction over the relatively dilute solution 
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Table 2. Solvent and Solute Activities Calculated Using Ion Pairing Parameter Set 

00 

xl e yl y2 y3 al (1) a1 (2) 6 g,na
2 

g,na
2 

.9200 .1315 .9249 .0349 .0053 .9842 .9833 .0009 -13.8862 -2.2544 

.8964 .1030 .9012 .0467 .0054 .9780 .9801 -.0021 -13.8214 -2.1896 

.8504 .0725 .8550 .0698 .0055 .9597 .9719 -.0122 -13.7061 -2.0743 

.7938 .0537 .7982 .0981 .0056 .9679 .9573 .0106 -13.5661 -1.9342 

.7500 .0451 .7542 .1200 .0057 .9356 .9418 -.0062 -13.4560 -1.8241 

.7086 .0394 • 7127 .1408 .0058 .9363 .9236 .0127 -13.3505 -1.7187 

.6268 .0321 .6306 .1817 .0060 .8689 .8762 -.0073 -13.1395 -1.5076 

.5721 .0290 .5157 .2090 .0062 .8343 .8355 -.0013 -12.9975 -1.3657 

.4531 .0245 .4562 .2685 .0068 .7082 • 7210 -.0128 -12.6902 -1.0583 

.4225 .. 0238 .4254 .2838 .0069 .6990 .6858 .0132 -12.6121 -.9802 

.3624 .0225 .3650 .3139 .0072 .6107 .6096 .0011 -12.4604 -.8285 

.2619 .0210 .2639 .3641 .0078 .4672 .4631 .0041 -12.2136 -.5817 

.1803 .0202 .1818 .4049 .• 0083 .3215 .3286 -.0072 -12.0214 -.3896 

.0558 .0195 .0563 .4672 .0093 .1088 .1044 .0043 -11.7465 -.1146 

(1) Determined from experimental results. 

(2) Calculated values from fit including ion pairing. 

00 Denotes infinitely dilute standard state. 

6 = a
1

(1) - a1(2). 

0\ 
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range 0.8 < x
1 

< 0.92, then decreases slowly with increasing solute mole 

fraction. We would expect, then, that the effects of ion pairing on the 

solution thermodynamic properties would be greatest in the dilute solu

tion range. 

The magnitude of the effect of ion pairing on the solution thermo

dynamic properties may be estimated by calculating solvent and solute 

activities using the same set.of parameters w1 , q, p with and without 

consideration of the association equilibrium. Values of the solvent 

activity and the logarithm of the.activity of the dissociated solute 

calculated both with and without considering ion pairing are given in 

Table 3 at regular solvent mole fraction intervals. Clearly, the effect 

of· the association equilibriu,m is never large over the composition range 

studied here, and becomes insignificant.at high salt concentrations, as 

expected from inspection of the association fraction values. 

Solvent activities and logarithms of.solute activities referred to 

the fused salt and infinitely dilute standard states are reported in 

Table 4. These quantities have been obtained using the best-fit para

meter sets for the calculation assuming complete dissolution and for the 

ion-pairing calculation. Tabulated values of the solvent_activity are 

nearly equal at all compositions, as they must be considering the 

quality of fit of either model to the solvent activity data. The values 

of solute activity referenced to the pure fused salt must agree at high 

salt concentrations; inspection of the tabulated values shows that these 

values are in close agreement for solvent mole fractions less than 0.75. 

However, in the dilute solution region, small differences in a1 between 

the ion-I>airing and complete-dissociation calculations lead to large 

dif·ferences in the calculated solute activities. The difference between 
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Table 3. Solvent and Solute Activities Calculated Using Ion Pairing Fit 
Parameter Set 

xl e yl y2 y3 a1{1) a1{2) 
00 

R.na 2 (1) 
00 

R.na
2 

( 2) 

.9500 .2008 .9548 .0201 .0050 .9870 .9915 -13.9962 -13.9641 

.9000 .1065 .9048 .0449 .0054 .9806 .9856 -13.8308 -13.8158 

.8500 .0724 .8546 .0700 .0055 .9719 .9769 -13.7052 -13.6912 

.8000 .0552 .8044 .0950 .0056 .9592 .9641 -13.5815 -13.5671 

.7500 .0451 .7542 .1200 .0057 .9418 .9466 -13.4560 -13.4409 

.7000 .0384 .7041 .1451 .0058 .9193 .9238 -13.3285 -13.3128 

.6500 .0338 .6539 .1701 .0060 .8912 .8954 -13.1996 -13.1,834 

.6000 .0305 .6037 .1951 .0061 .8572 .8611 -13.0700 -13.0532 

.5500 .0279 .5535 .2201 .0063 .8170 .8206 -12.9402 -12.9230 

.5000 .0260 .5033 .2451 .0065 .7705 • 7737 -12.8108 -12.7932 

.4500 .0245 .4530 .2701 .0068 • 7176 .7204 -12.6822 -12.6643 

.4000 .0232 .4028 .2951 .0070 .6583 .6608 -12.5550 -12.5368 

.3500 .0223 .3526 .3201 .0073 .5928 .5949 -12.4294 -12.4110 

.3000 .0215 .3023 .3451 .0076 .5213 .5230 -12.3060 -12.2873 

.2500 .0209 .2520 .3701 .0079 .4443 .4456 -12.1851 -12.1661 

.2000 .0204 .2016 .3951 .0082 .3622 .3631 -12.0670 -12.0479 

.1500 .0200 .1513 .4201 .0086 .2758 .2764 -11.9523 -11.9330 

.1000 .0197 .1009 .4451 .0089 .1859 .1863 -11.8412 -11.8219 

.0500 .0194 .0505 .4701 .0093 .0936 .0938 -11.7343 -11.7148 

.0001 .0193 .0001 .4951 .0097 .0002 .0002 -ll.6321 -11.6126 

(1) Calculated with ion pairing. 

{2) Calculated assuming complete solute dissociation. 

00 Denotes infinitely dilute standard state. 

0\ 
\0 
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Table 4. Solvent and Solute Activities Calculated Using Best-Fit .. •• 
Parameter Sets for Complete Dissociation and Ion Pairing 
Calculations 

.h:, 

a 1 (1) a
1 

(2) 
Cl) Cl) 

xl e 1na
2 

(1) 1na
2 

(2) 1na
2

(1) 1na
2 

( 2) 

.9500 .2008 .9900 .9870 -13.7662 -13.9962 -2.4177 -2.3643 

.9000 .1065 .9827 .9806 -13.5780 -13.8308 -2.2295 -2.1990 

.8500 .0724 .9728 .9719 -13.4355 -13.7052 -2.0871 -2.0733 

.8000 .0552 .9592 .9592 -13.3028 -13.5815 -1.9543 -1.9497 

.7500 .0451 .9412 .9418 -13.1728 -13.4560 -1.8243 -1.8241 

.7000 .0384 .9184 .9193 -13.0436 -13.3285 -1.6951 -1.6966 

.6500 .0338 .8903 .8912 ..:12.9145 -13.1996 -1.5661 -1.5677 

.6000 .0305 .8565 .8572 -12.7857 -13.0700 -1.4372 -1.4381 

.5500 .0279 .8166 .8170 -12.6570 -12.9402 -1.3086 -1.3083 

.5000 .0260 • 7706 .7705 -12.5289 -12.8108 -1.1804 -1.1789 

.4500 .0245 • 7181 • 7176 -12.4014 -12.6822 -1.0529 -1.0504 

.4000 .0232 .6591 .6583 -12.2750 -12.5550 -.9265 -.9231 

.3500 ;,0223. .5937 .5928 -12.1499 -12.4294 -.8014 -.7976 

.3000 .0215 .5222 .5213 -12.0265 -12.3060 -.6780 -.6741 

.2500 .0209 .4448 .4443 -11.9053 -12.1851 -.5568 -.5532 

.2000 .0204 .3622 .3622 -11.7866 -12.0670 -.4381 -.4352 

.1500 .0200 .2752 .2758 -11.6710 -11.9523 -.3225 -.3204 

.1000 .0197 .1849 .1859 -11.5590 -11.8412 -.2105 -.2094 

.0500 .0194 .0927 .0936 -11.4512 -11.7343 -.1028 -.1024 

.0001 .0193 .0002 .0002 -11.3487 -11.6321 -.0002 -.0002 

(1) Calculated assuming complete solute dissociation. 

(2) Calculated with ion pairing. 
·~ 

Cl) Denotes infinitely dilute standard state. 
t· 
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solute activities calculated using the two models increases to 0.053 in 

in a 2 at x1 = 0.95; in the limit of infinite dilution, the difference 

increases to 0. 283 in in a 2• 

4. Conclusions 

The experimentally determined solvent activities in this system are 

well represented by the additive nonelectrostatic-electrostatic inter

action model across the entire composition range. Consideration of the 

association equilibrium implied by the conductivity data is not strictly 

necessary for interpretation of the solvent activity data over the 

composition range studied here. Further experimental work leading to 

precise determination of solution thermodynamic properties in the .dilute 

electrolyte region (x
1 

> 0.9) would provide a basis for more accurate 

representation of the dependence of those properties on the solute 

association equilibrium. 
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