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Thermodynamics of Electrolytes. VIII. High

Temperature Properties, including Enthalpy 

and Heat Capacity, with Application to NaCl. 

Leonard F. Silvester and Kenneth S. Pitzer 

Department of Chemistry and Lawrence Berkeley 
Laboratory, University of California, Berkeley, 

Calir'ornia · 94 720 

(Abstract) 

The ion-interaction type of equation which has proven so 

successful for activity and osmotic coefficients of both pure 

and mixed electrolytes near room temperature is extended for 

wide temperature ranges and for the enthalpy and heat capacity. 

An improved equation is obtained for the dielectric constant 

of water over a wide range of temperature and density; it is 

used to calculate the Debye-Hlickel parameters to 350°C for 

enthalpy and heat capacity as well as for osmotic and activity 

coefficients. These equations are applied to the extensive 

array of thermodynamic data for aqueous sodium chloride from 

0° to 300°C. Good agreement is obtained and the equations 

thus provide a convenient analytical representation of the 

thermodynamic properties of NaCl (aq). Also the results 

indicate that at 300°C sodium chloride is still a strong 

electrolyte with little ~endency toward the formation of ion 

pairs. 
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While aqueous electrolytes have been very extensively 

studied at room temperature, much less attention has been 

given to these systems at high temperatures. By far the most 

thoroughly studied example is sodium chloride. In this paper 

we first extend to enthalpy and heat capacity the equations 

d . 1" . h" . 1-4 develope 1n ear 1er papers 1n t 1s ser1es. The dielectric 

properties of water over a wide temperature range are reviewed 

and an improved equation derived; this combined with an 

equation for the density of water yields the various Debye-

Hllckel parameters as a function of·temperature. The various 

data for aqueous sodium chloride under saturation pressure, 

including osmotic coefficients, enthalpies, and heat capacities, 

are then fitted simultaneously to the equations with good 

accuracy through 300°C and 6 M. 

Since the dielectric constant of water is only about 20 

at 300°C, it was not evident that a strong-electrolyte treat-

ment would be satisfactory at that temperature. It is signi

ficant that there is no need to assume any specific ion-pairing 

under these conditions. This and other questions are discussed 

in terms of the results obtained. 

General Equations 

The basic equations for enthalpy and heat capacity will 

be derived in general form for an electrolyte with ionic charges 

2 

ZM and zx for the positive and negative ions in electronic units. 

Likewise VM and vx are the numbers of ions of each type in the 

formula and v = VM + vx. Thus the results of this section 

will be applicable to various valence types of electrolytes. 
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The total excess Gibbs energy is 

where nw is the number of kg of solvent, m is the molality, 

R is the gas constant, T designates the temperature in °K, ~ 

(1) 

is the osmotic coefficient, andy± is the activity coefficient. 

Equation (1) may be rewritten as 

(2) 

where n1 and n 2 are the number of moles of solvent and solute 

respectively, and G~x is the partial molal excess Gibbs energy 

of the solvent, and G~x is the partial molal excess Gibbs 

energy of the solute. 

-ex · -ex The quantities G1 and G2 are related to ~ and tny+ by 

(3) 

G-ex = vRT nny 
2 N ±" (4) 

We now adopt the general form given in paper r1 and rr 2. 

of this series for G which leads to the following equations ex 

for ~ and tny± of a pure electrolyte. 

(5) 
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I is the ionic strength, 

1 
I = 2 ~ 

1 

2 m. z. , 
1 1 

and A~ is the Debye-HUckel coefficient for the osmotic func

tion given as 

A 
_y 
3 

where N
0 

is Avagadro's number, Pw is the density of the 

solvent and D the static dielectric constant of pure water, 

k is Boltzmann's constant, and e is the absolute electronic 

charge. Since the values of vM, vX, and v for any 1-1 salt 

(e.g., NaCR.) are 1,1 and 2 the factor (2vMvX/ 2) is unity. 

The leading· term in equations (5) and (6) arises from 

(6) 

(7) 

the long-range electrostatic interactions; the coefficients 

B(O) and B(l) account for various types of short-range inter-MX MX 
actions between M and X, and for indirect forces arising from 

the solvent; the t'hird coefficient C~X is for triple ion inter

actions and is important only at high concentrations. The 

parameter b was given the value 1.2 for all electrolytes and 

a is 2.0 for all 1-1 and most other solutes; b and a are taken 

as temperature independent. (0) (1) cp 
The quantities ~MX , BMX , and CMX 
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are adjusted for a given salt at fixed temperature by a 

.least-square fit of osmotic and/or activity coefficient data. 

Equations (5) and (6) are consistent with the standard 

states adopted for this study which are the pure solvent at 

the same temperature and pressure of the solution and for the 

solute the limiting state in which y± approaches unity as 

the concentration becomes infinitely dilute, this to apply 

at every temperature and pressure. 

The relative molal enthalpy, L, of an electrolyte 

solution is defined to be 

0 

L = H - H 

0 

where H is the total enthalpy of the solution and H that of 

the components of the solution in their standard states. 

The quantity L is related to Gex by the equation 

Equations (1) and (9) yield for L, 

The apparent relative molal enthalpy, ~L, is defined as 

~L = = 

(8) 

(9) 

(10) 

(11) 

Taking the appropriate derivatives of equations (5) and 

(6) as prescribed by equation~ (10) and (11) , one obtains for 

~ L the result 

5 



(12) 

where 
I. 

B~x = (aBMX/aT)1,P (13) 

= B~~) + (2B~i) /a 2I) [1- (l+ai 1/ 2) exp( -ail/Z)] (14) 

(1 5) 

The quantity AH is the Debye-Huckei coefficient for enthalpy 

(16) 

where aw = (aR.nV/aT)p is the coefficient of thermal expans1on 

of water. 

A common type of enthalpy measurement is the heat of 

dilution. If this is reported fot the dilution of solution 

containing one mole of solute from m1 to m2 , it is related as 

follows to the apparent molal enthalpy 

The integral heat of solution of a salt MX is taken as 

the heat effect for the reaction 

The enthalpy change for this reaction is given as 

(17) 

(18) 

6 
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which may be rewritten as 

As the concentration m approaches zero, we have 

0 0 0 

· t.Hs = (H2-H2 (s)) (19) 

-0 
where t.H is the heat of solution per mole of salt at infinite s 

dilution. At finite concentrations we therefore have 

(20) 

-0 

The value of t.Hs at a given temperature may be found by fitting 

the experimental values of t.H to equation (12) and (20) s 
-0 

treating t.Hs as an adjustable parameter. 

The total relative heat capacity, J, is defined as 

-o 
where CP is the partial molal heat capacity of the solute 

2 0 

at infinite dilution and Cp is the molal heat capacity of 
1 

pure water. Also 

J = (aL/aT)p ,m 

The apparent molal heat capacity, ~CP, is defined to be 

~c p 

From equations (11) and (2lb), we find that 

(Zla) 

(2lb) 

(22) 

(23) 
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The temperature derivative of equation (12) yields 

where 

and 

<Pc p 

" = (a 2CMX~ + 
CMX 2 

aT P,m 

2 (aBMx) 
T ---ar- P,m 

2 (acMx) 
T aT P,m 

(24) 

( 2 5) 

(26) 

( 27) 

Heat capacity data on electrolytes are obtained by direct 

measurements on the solution using a calorimeter. The 

resulting total heat capacities, converted to <Pep, may then 
0 

. be fitted to equation (24) treating tp as an adjustable 
0 2 . 

parameter. Values of tp may also be obtained from h~at of 
2 

solution data according to 

0 

0 

cp (s) 
2 

provided cp (s), the heat capacity of the pure salt in the 
2 

solid phase is known. 

Debye-Hlickel Parameters 

(28) 

The parameters A<t>, AH, AJ as given in equations (7), (16'), 

and (27), depend only on the thermodynamic and electrostatic 

properties of water. 

8 
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The density of pure water, pw' and its temperature 

derivatives were computed from the equation of state for 
5 liquid water given by Keenan and Keyes. A detailed 

description of the equation may be found in the appendix of 

Keenan and Keyes 5 steam tables or from Helgeson and Kirkham. 6 

The electrostatic properties of pure water were obtained 

by fitting the data on the static dielectric constant of 

water given by Oshry, 7 Owen et al., 8 and Heger9 to a slightly 

modified version of an equation originally proposed by 

Helgeson and Kirkham. 6 

4 4-i 
. D = I I 

i=O j=O 
e .. 

1J 

where t is the temperature in degrees Celsius and e .. is an 
1J 

array of temperature and pressure independent coefficients 

determined from a least-square analysi~ of 

the data and given in Table I. 

(29) 

The data on the dielectric constant of water covers a 

30 much wider pressure interval than the Keenan-Keyes equation 

of state which is limited to pressures up to 1 kilobar. 

Consequently, instead of using data on D only up to 1 kilobar 

we have used the entire array of data and weighted each data 

point up to 1 kilobar as unity and those above as (1.0/Pressure 

(kilobars) 2). We have found that a much better over-all fit 

resulted by assigning the value of 88.726 (D at 0°C as given 

by Owens et al. 34 ) to e 00 , and setting e 03 , and e 04 to zero. 

Values of A~, AH, AJ along the liquid-vapor saturation 

curve of water are tabulated in Table II and plotted in Figures 

1, 2, and 3. 

9 



i j 0 

0 88.287 

1 -0.67033927 

' 2 1.99954913 X 10- 3 

3 -2.71567936 X 10- 6 

4 1.40598463 X 10- 9 

.. 

Table I 

Array of Coefficients for Equation (29) 

1 

-78.1110993 

0.443465512 

- 8.71140434 X 10- 4 

5.91444341 X 10- 7 

e .. 
1J 

2 

77.6526372 

- 0.135474228 

1.10849697 X 10- 4 

3 

0 

-0.334969862 

4 

0 

...... 
0 
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Table fl 
Debye-Hlickel Parameters for the Osmotic 

Coefficient, Enthalpy, and Heat Capacity 

(1 cal = 4.184J) 
-1 A3/ca1 -1 -1 

t' oc A¢ AH/cal mol K mol 

0 0.3770 411" 9.6 

10 0.3820 516 11.3 

20 0.3878 635 12.3 

25 0.3910 698 12.8 

30 0.3944 762 13.2 

40 0.4017 899 14.2 

so 0.4098 1,046 15.2 

60 0.4185 1,203 1.6.3 

70 0.4279 1,372 17.6 

80 0.4380 1' 555 19.0 

90 0.4488 1. 753 20.7 

100 0.4603 1,96Q 22.5 

110 0.4725 2,204 24.6 

120 0.4855 2,461 26.9 

130 0.4992 2,743 29.6 

140 0.5137 3,053 32.6 

150 0.5291 3,394 36.1 

160 0.5454 3,773 40.1 

170 0.5627 4,193 44.8 

180 0.5810 4,664 50.4 

190 0.6005 5,194 57.1 

200 \ 0.6212 5,796 65.4 

220 0.6670 7.285 88.8 

240 0.7200 9,336 127 

260 0.7829 12,315 194 

280 0.8596 16,935 323 

300 0.9576 24,789 604 

325 1.1323 45,943 1,779 

350 1. 4436 125,150 ,11' 94 8 



The values in Table II for A~ from 0 to 100°C 
10 

agree well with those recently chosen for that range but AH 

and especially AJ are sensitive to the derivatives of the 

dielectric constant. Whil~ AH at 25° in Table JI is not 
. 10 

significantly different from the value in recent use, the 

values of AJ and those of AH at other temperatures differ by 

as much as 20%. It is not clear whether the present results 

are better or not for the range 0 - 100°C at 1 atm. But our 

interest in a much wider range of temperature and pressure 

forced us to depend primarily on data extending over these 

conditions, and these data do not agree as well.as is desired 

with investigations limited to 1 atm and 0 to 100°C. 

Further measurements of the dielectric constant of water with. 

maximum attainable accuracy are to be desired. 

12 
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Application to NaCl (aq.) 

Before discussing the details of our calculations we note 

that above 100°C ;he data relate to the saturation pres~ure 

wh1le below 100°C the pressure is a constant one atmosphere. 

This shift of reference pressure is unfortunate but unavoidable . 

It leads, in principle, to some small correction ter~s in 

certain temperature derivative relationships. These appear, 

as can best be judged at this time, to be within experimental 

uncertainties, but more accurate tests may be feasible when 

volumetric data are more fully examined. 

The extensive array of experimental results for aqueous 

sodium chloride are listed in Table III. The first column 

gives the reference number,. the second column the type of 

data, osmotic coefficient, enthalpy, etc., the third column 

lists the experimental method, the fourth column lists the. 

temperature range and the fifth column the concentration range. 

The freezing point depression data of Scatchard and Prentiss 12 

were recalculated using a cryoscopic constant of 1.860 and 

the method outlined by Pitzef and Brewer; 10 the remaining 

osmotic and activity coefficient data were used as reported 

in the original literature. The experimental enthalpy data 

were used as reported. The thermochemical.calorie equal to 

4.184J is used throughout. 

The concentration dependence of the data in Table III at 

any single experimental temperature may be reproduced by appro-

priate application of equations (5), · (6), (12), and (24). The 

problem then reduces the finding suitable analytical forms to 

describe the temperature dependence of S(O), S(l), and C~. 

13 
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Table III 

Data on Aqueous NaCl Solutions 

Reference Data Method T Range, m oc -
Type -

. -
12 <P fdp 0 0.002-1.0 

13 <P isop 0 .1-4.0 

14 <P isop 15 .1-4.0 

15 y± emf 15-45 .002- . 1 

16 y+ emf 15-50 .01-1.0 

17 <P vp 20-30 2.0-4.0 

18 <P - vp 25-100 1.0-6.1 

19 <P bp 60-100 .05-1.0 

20 <P bp 60-100 1.0-4.0 

21 <P vp 125-250 .5-3.0 

22 <P vp 75-300 4.8-(6.4-10.4) 

23 <P vp 125-300 .1-3.5 

24 .1Hs cal 0-100 .001-.03 

25 Mls cal 100-200 .007-.04 

26 .1HD cal 25-100 .04-5.0 

27 .1fiD cal 40-80 .005-6.0 

28 cP cal 24.15 .001-2.0 

29 cP cal 25.0 .01-3.0 

30 <Pc p cal 25.0 .04-2.3 

31 cP cal 1. 5-45 .01-3.0 

32 Cp cal 80-200 .35-2.1 

Symbols: fpd, freezing point depression, isop, isopiestic; 
vp' vapor pressure lowering; bp, boiling point 
elevation; emf, electrochemical cell; cal, calorimeter. 
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· The following general forms were found to reproduce the entire 

array of data in Table III. 

q + q (l - .!__) + i (T/T .) 1 2 T T q3 n · r 
r 

Tr is 298.15°K. The values of q 1 , q 6 , and q 11 for NaCl 

2 at 25°C are given by Pitzer and Mayorga. Various other 

analytical forms were tried, ranging from a simple power 

~eries in T, to a rather complicated form given by Gibbard 
18' 

et al., and all proved less satisfactory. 

(30) 

(31) 

(32) 

15 

The heat capacity data at each single experimental temperature 
0 

were fitted to equation (24) and the resulting Cp values were 
2 

found to be reproduced by the equation 

0 

where CP (T) is the heat capacity of the solid reported by 

Kelley 
33s 

Cp (s) = 10.98 + 0.0039 T; T ? 298.15. 
2 

( 33) 



From equations (28) and (33) the temperature variation 

An important difference in functional form between 

equations (12) and (24) compared to equations (5) and (6) is 
2 . 2 

the factor (2vMvXRT ) which reduces for NaCl to 2RT . Conse-

quently to insure proper weighting of the enthalpy and heat 

(34) 

capacity data in relation to the osmotic-activity coefficient 

data, the former were weighted as (l.0/2RT 2). In addition, 

each data point, regardless of the temperature or type of 

data was weighted as unity for concentrations up to 4M, and 

as (16/m2) for concentrations greater than 4M. 

The final assignment of the q. 's was done by a simultaneous 
1 

fitting of the data array in Table III using a computer least-

square analysis. The results are listed in Table IV. 

The values of S(O), S(l), and ctP as computed from 

equations (30)-(32) are plotted against temperature in 

. 16 

Figures 4, 5, and 6 respectively. Shown as points for comparison 

are the values of S(O), S(l), and c¢ obtained at each ex~eri-

mental temperature from the separate analysis of the osmotic-

activity coefficient at that temperature. In the lower half 

of-Figures 4, 5 and 6 the curves for asCO)/aT, asC 1l;aT, and 

actP;ar ob~ained by taking the temperature derivative of 

equations (30)-(32) are plotted versus the temperature along 

with the corresponding values from enthalpy data at a given 

temperature. 

.. 
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Table IV 

Coefficients for Equations 
( 30) ' ( 31) ' ( 32) ' and (34) . 

ql = 0.0765 
• 

q2 = - 7 77. 0 3 

q3 = -4.4706 

q4 = 0.008946 

q5 = -3.3158 X 10- 6 

q6 = 0.2664 

q9 = 6.1608 X 10- 5 

qlO = 1.0715 X 10- 6 

,, 

qll = 0.00127 

ql2 = 33.317 

ql3 = 0.09421 
•'' ~ 

:o 

ql4 = -4.655 X 10- 5 

ql6 = 41587.11 

ql7 = -315.90 

ql8 = 0.8514 
-
~ 

q19 = -8.3637 X 10- 4 



The number of parameters in equations (30-34) were chosen 

as the minimum needed to reproduce the data approximately within 

experimental uncertainty but with care to avoid over-fitting 

the data. 

The standard deviation of fit for each type of data at 

a given temperature was compared for the over-all calculation 

with that for the particular set of data. The agreement for 

the over-all fit is almost as good as for the individual fits. 

The details bf these comparisons of standard deviations are 

. 1 h 34 g1ven e sew ere. 

In Figure 7, the experimental values of the osmotic 

coefficient and the smoothed curve generated from the composite 

fit are plotted against the molality for several isotherms. 

The smoothed curves generally pass within the experimental 

erroi for most of the data points. The over-all standard 

deviation of fit is ±0.005 for the / . . . osmot1c-act1v1ty coefficient 

data over the temperature range 0-300°C. 

The enthalpy data of Ensor and Anderso~ 27 at so and 80°C 

were not incorporated into the final array of data as analysis 

of these data gave results somewhat inconsistent with the 

other data. The over-all fit for the heat of dilution data 

is ±4.9 cal mole-l over the temperature range 25-100°C. 
0 

The values of Cp 
2 

and those generated by equation (33) 

are plotted vs the temperature in Figure 8. Values of 

c; below 25°C as determined by G. Perron et a1. 31 are also 
2 

plotted in Figure 8. The dashed curve represents the extra-

polation of equation (33) to 0°C from 25°C. 

18 
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0 

There is a dramatic change in tP~ as the solution 
L. 

approaches 0°C which may be related to structural changes 

in the solvent. The results presented in Figure 8 clearly 
0 

indicate that the description of tp. over the entire temper-
2 

ature range will require a much more complicated temperature 

function, or an alternate functional form than that given by 

equation (33). Consequently we have not incorporated into 

the final data-array any heat capacity data or heat of solution 

data below 25°C. 

The over-all standard deviation of fit for the heat of 

solution data is ±40 cal/mole and the over fit to the apparent 

molal heat capacity is ±1.8 cal K-l mole- 1 . 

Liu and Lindsay 22 made extensive thermodynamic calculations 

based on the osmotic measurements and compared the results with 

some other thermodynamic data. Their· equations, however, were 

fitted only to osmotic coefficients and hence represent a 
different approach than ours. 

Gibbard, et al, followed an approach more like ours in 

fitting enthalpies and heat capacities as well as osmotic 

coefficients. They used 20 arbitrary parameters compared to 

our 12 for equations (30-32). Our tabulated values of the 

·· osmotic coefficient generally agree within ±0.001 to ±0.002 

with those tabulated by Gibbard for temperatures 0-100°C and 

from ±0.003 to ±0.005 for temperatures between 100 and 200°C. 

In their analysis, Gibbard et a1. 18 selected from the results 

of Liu and Lindsay 22 only data between 1.0 m to 6.0 mol, whereas 

we have use of the entire composition range (~.1-10M). 

19 



Consequently the differences between the two sets of equations 

is not surprising. 

We believe our equations have advantages in both 

convenience and general accuracy, all functions considered. 

The results, however, do not differ very much from those 

tabulated in detail by Gibbard, et al. Hence no tables of 

values are presented here, although extensive tables have 

b d d . 1 h 34 p . 1 1 . f een prepare an are g1ven e sew ere. art1cu ar y 1 

the Debye-HUckel parameter is taken (or interpolated) from 

Table II, the remaining equations are very easily solve~ 

for the function and exact conditions of interest; hence 

the need for extensive tables is reduced. 

Thermodynamics of Saturated Solutions 

The solubility equilibrium was not considered in developing 

the equations for the solution properties; hence it can provide 

a check on their accuracy. At the lower temperatures the 

solubility of NaCl is well-known 35 and Liu and Lindsay 22 

determined solubilities above 75°C. The standard Gibbs energy 

of solution is 

~G~ = -2RT ~n(my)sat (35) 

At 25°C substitution of msat = 6.146 M and the value of 

Y = 1.008 from our equations yields ~G0 = -2161 cal mole- 1 . 
sat s 

This value agrees well with those from most recent sources. 36 

. 22 0 
As noted by Liu and Lindsay, however, the value ~Gs = -2250 

1 1 -l d b G d 1 25 . . 1 . ca mo e reporte y ar ener, et a , 1s ser1ous y 1n error. 

It appears that this discrepancy arose from the use of entropies 

20 
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rif Na+ and Cl from inconsistent sources; in any case the 

-2250 value should be discarded. 

An equation for t~G0 as a function of temperature can be 
s 

obtained by integration of equation {34) 

The constant of integration q 20 can be evaluated from 

25°C and is found to be -1729.93 2 cal deg- 1 mole- 1 . 

We may now apply equations (35) and (36) at other 

temperatures to obtain values of the activity coefficient in 

the saturated solution y t and these may be compared with sa 

those calculated from equations (6), (30), (31), and (32). 

This comparison, which is given in Table V, shows very good 

agreement when it is considered that our evaluation of para-

meters gave rapidly decreased weight to data above 4 M. 

Discussion 

The most striking aspect of these results is that the 

properties at 300°C are so similar, qualitatively, to those 

(36) 

at 25°. The greatest change is in the Debye-Hlickel parameter 

itself. A~ doubles from 25° to 300° while AH and AJ increase 

by much larger factors. While changes in absolute temperature 

21 
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Table V 

Comparison of Activity Coefficients for 
Saturated NaCl (aq) from Different Sources 

Ysat from: 
t' oc 

msat solubilitya soln. b data 

0 6.096 0.922 0.927 

25 6.146 (1. 008) 1.008 

so 6.274 1. 024 1. 022 

75 6.460 .987 .986 

100 6.680 .922 .915 

125 6.935 . 831. .825 

150 7.198 .730 .724 

175 7.573 .615 .620 

200 7.973 .504 .515 

225 8.435 .397 .412 

250 8.989 .299 .313 

275 9.649 .215 .220 

300 10.413 .146 .137 

a From equations (35) and (36). 

b From equations (6) and (30-32)~ 
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and density are substantial, it is the decrease in dielectric 

constant which dominates this situation. Thus all of the 

"limiting law" effects are intensified at higher temperature. 

If there were strong ion~pairing, the second virial 

coefficient parameters B(O) and B(l) would become large 

negative quantities. Indeed, if this ion-pairing became very 

strong, the virial coeffic~ent form of equations would fail 

completely. Only the slightest tendency in this direction 

is observed in the negative slope for B(O) above about 150° 

(figure 4). But even at 300°, B(O) ·is still positive with a 

value ~lose to that for 25°; also aCl) increases steadily 

with temperature. This conclusion is in agreement with that 

from conductance data. 37 

We know that anhydrous NaCl vapor consists primarily of 

ion-pair molecules and that a mixed vapor of NaCl with H20 

must also approach that character under certain conditions. 

But at 300°C there is little indication of this trend and the 

gene~al nature of aqueous NaCl is the same as at lower 

temperature. 

The parameter b in equation (5) is related, theoretically, 

to the interionic distance at which strong repulsive forces 

arise. For convenience in treating mixed electrolytes, b is 

kept the same for all solutes and this leads to an interlocking 

effect with B(l) (and to some degree also B(OJ). 

Here for mathematical convenience we also hold b constant 

with respect to temperature and find no difficulty. But it 

is to be noted that simple Debye-Huckel theory would have a 
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Parameter such as b increase with temperature as (p /DT)
1

/
2

. w ' 

In our case, with b constant, it is of interest to note that 

B(l) increases approximately as (p /DT) 112. w 
The term for triple ion interaction c¢ is very small 

throughout the range and shows no indication df extreme 

behavior up to 300°C. 

Finally, it is to be noted that the equations here 

presented give an essentially complete description of the 

thermodynamic properties of-aqueous NaCl at saturation pres

sure. Thus quantities of engineering interest sUch as the 

total enthalpy and entropy of the liquid can be calculated. 

34 This is described and tables are presented elsewhere. 
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Figure Captions 

Figure 1. Debye-HUcke1 Osmotic Coefficient Parameter versus 

Temperature. XBL-761-8 

~ Figure 2. Debye-HUckel Enthalpy Parameter versus Temperature. 

XBL-716-2 
Figure 3. Debye-Hlicke1 Heat Capacity Parameter versus 

Temperature. XBL-761-3 

Figure 4. XBL-761-1 

Figure 5. XBL-761-SA 

Figure 6. XBL-761-4 

Figure 7. Osmotic Coefficient for NaCl Solutions from 100 

XBL-761-6 

Figure 8. Heat Capacity at Infinite Dilution for NaC1 

Solutions. XBL-761-7 
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