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Abstract 

The enthalpy of dilution in the sodium sulfate-water, ammonium sulfate-water and ammonia-water systems was measured 
at temperatures from 313 to 373 K with a Calvet-type batch calorimeter using specially designed mixing cells. The mixing 
cells allow to pressurize the solutions. The formation of a gas phase during the experiments is thus avoided. Experimental 
results for the enthalpy of dilution are reported and compared to literature data and correlations. © 1997 Elsevier Science B.V. 
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I. Introduction 

The thermodynamic properties of aqueous solutions 
containing weak as well as strong electrolytes have to 
be determined in many applications. Typical examples 
are the cleaning of raw gases in power stations, the 
production of soda from aqueous solutions containing 
ammonia, carbon dioxide and sodium chloride or 
applications in the field of environment protection. 
Designing of separation equipment requires physico- 
chemical models in order to describe phase equilibria 
and caloric effects in such systems. Modeling phase 
equilibria and caloric effects in aqueous systems 
containing weak and strong electrolytes is a difficult 
task, due to chemical reactions in the liquid phase and 
ionic interactions, as well as due to the formation of 
solid phases. In most cases, process engineers are 
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primarily interested in phase equilibria and heats of 
vaporization in such systems whereas heats of dilution 
are often neglected in process design. However, for 
developing sound physico-chemical models, it is 
essential to separate the various contributions to 
enthalpy changes (i.e. from mixing, shifts in chemical 
reactions and due to the mass transfer over phase 
boundaries) as far as possible. Therefore, as part of 
an ongoing project dealing with experimental and 
theoretical work on the thermal properties of aqueous 
systems containing ammonia, sour gases - e.g. carbon 
dioxide - and strong electrolytes, enthalpies of dilu- 
tion in the binary sodium sulfate-water, ammonium 
sulfate-water and ammonia-water systems were mea- 
sured with a Calvet-type batch calorimeter at tem- 
peratures from 313 to 373 K. New mixing cells 
allowing to pressurize the solutions were developed. 
Experimental results are reported. Pitzer's model for 
the excess Gibbs energy was used to correlate the 
experimental data. Generally, the correlations agree 
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well with the experimental results. Together with 
published information on vapor- l iquid equilibrium 
in these systems at one single temperature, parameter 
sets were determined which allow prediction of  the 
vapor- l iquid equilibrium over a wide range of tem- 
peratures and compositions. 

2. Experimental section 

A Calvet-type batch calorimeter (SETARAM MS 
70, Lyon, France) was used for the experiments. In an 
experiment, two identical, pressurized mixing cells 
were placed in thermocouple columns inside the 
thermostatted calorimeter block. One cell was used 
as a reference cell, the other for the experiment. This 
differential arrangement compensated for the influ- 
ence of  the surroundings on the experiments. A caloric 
effect inside the cell resulted in a heat flow between 
the cell and the thermocouples, thus leading to a time- 
dependent thermovoltage signal. The signal was 
amplified and integrated by an integrator (SETARAM 
ITC). The integrated signal was directly proportional 
to the heat transferred between the cell and the ther- 
mocouple column. The proportionality constant was 
determined in separate calibration experiments (for 
details, cf. Hasse and Maurer [1] and Weyrich [2]). 

For the volatile solutions investigated here, it was 
essential to avoid the presence of  a gas phase in the 
cell. Therefore, mixing cells were developed which 
allow to pressurize the solutions. Fig. 1 shows a 
simplified scheme of  a cell. The cell was divided into 
an upper and a lower chamber by a thin Teflon foil. In 
the top of  the cell, a punching knife was mounted, 
which was used to cut the foil. Furthermore, a dia- 
phragm bellows was mounted in the upper part of  the 
cell. The inner side of  the bellows was connected to a 
gas storage, maintained at constant pressure, thus the 
solution was pressurized. 

The ammoniacal  solution was prepared in the appa- 
ratus shown in Fig. 2. An evacuated cylinder sealed 
with a piston was filled with a known amount of  water. 
A known amount of  ammonia was added from a 
storage tank. The solution was pressurized to dissolve 
the gas completely in the liquid. To prepare the mixing 
cell, the lower chamber was filled with water (or the 
aqueous salt containing solution) with a syringe. The 
cell was connected to the filling system (cf. Fig. 2) and 
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Fig. 1. Simplified scheme of the mixing cell: 1 - upper chamber; 2 
- diaphragm bellows; 3 - connector for pressurization; 4 - 
punching knife; 5 - teflon foil; 6 - lower chamber; and 7 - 
connector for filling the lower chamber. 
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Fig. 2. Scheme of the apparatus for preparing and filling the 
solutions: 1 - mixing cell; 2 - diaphragm bellows; 3 - connector 
for pressurization; 4 - cylinder for preparing the solutions; 5 - 
piston; 6 - pressurization; 7 - level indicator; 8 - connector for 
filling the cylinder; and 9 - vacuum pump. 
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the upper chamber evacuated. The diaphragm bellows 
was pressurized to the same pressure as the ammoniac 
solution. Next, the upper part of the cell was filled with 
the ammoniacal solution, thus avoiding evaporation of 
the liquid. 

Two identically filled cells were placed into the 
thermocouple columns of the calorimeter. Both cells 
were pressurized to a pressure ca. 100 to 200 kPa 
above the boiling point pressure of the solution 
before or after mixing, whichever was less. After 
thermal equilibration, the mixing process in one of 
the cells was started by cutting the Teflon foil with 
the punching knife. During mixing, the diaphragm 
bellows compensated for density changes inside 
the cell, thus the (partial) evaporation of the 
liquid was avoided. However, due to the change of 
volume upon mixing, the heat determined in the 
experiment was not exactly equal to the enthalpy 
change resulting from the isobaric mixing process 
alone. For the mixing process, the first law of thermo- 
dynamics is 

Q1,2 + W1,2 = AUI,2. (1) 

Approximating the isobaric, isothermal mixing pro- 
cess by a reversible change of state, that equation may 
be rewritten as 

2 

AH1,2 = Q1,2 + / Vdp. (2) 
, /  

1 

Therefore, the measured heat Ql,2 has to be corrected 
by the last term in Eq. (2). That correction is calcu- 
lated from the elastic behaviour of the diaphragm 
bellows together with the known densities of the 
solutions. Details of the calculation are given in 
Appendix A. For the experiments presented here, 
Ql,2 is typically ca. 10 to 200 J and the corrections 
are mostly smaller than 2 J. 

Small errors could also arise due to frictional losses 
resulting from the movement of the punching knife 
when cutting the foil. That error was accounted for by 
pushing the knife again and measuring the heat trans- 
ferred to the cell after that experiment. The heat 
dissipated due to the movement of the punching knife 
is typically smaller than 1 J. 

At a fixed temperature, for each concentration of the 
dissolved species, at least two experiments with 
almost identical masses in the upper and lower cham- 

ber of the mixing cell were performed. The results of 
those experiments in nearly all cases differed by less 
than 1 J. 

Typically, ca. 28 g and 16 g of liquid were filled into 
the upper and lower chamber of the cell, respectively. 
The masses of the solutions were determined by 
weighing with a maximum uncertainty of 4-0.08 g. 
The uncertainty in determining the concentration of 
each component is smaller than 0.3%. Temperature 
was measured with calibrated platinum resistance 
thermometers with an uncertainty of ca. i0 .1  K. A 
detailed calculation considering the propagation of all 
uncertainties (i.e. uncertainties in the concentrations 
of the dissolved species, in determining the masses 
filled into the cell, in determining the temperature and 
the heat transferred) showed that the absolute error in 
the enthalpy change upon mixing is below 1.5 J (for 
details cf. Weyrich [2]). 

3. Substances 

Ammonia (> 99.999 mol%) was purchased 
from Messer-Griesheim, Ludwigshafen, Germany, 
and used without further purification. Sodium 
sulfate (>_ 99 mass%) and ammonium sulfate 
(> 99.5 mass%) were purchased from Merck GmbH, 
Darmstadt, Germany. The salts were degassed and 
dried under vacuum. Deionized water was further 
purified by vacuum distillation. 

4. Results 

4.1. Test of procedure: Enthalpy of dilution in the 
Na2SO4-H20 system 

To test the experimental equipment and procedures, 
the enthalpy of dilution in the sodium sulfate-water 
system was measured in the temperature range from 
313 to 373 K. The results are summarized in Table 1 
together with calculated numbers for the correction 
term (i.e. the integral in Eq. (2) (cf. Appendix A)). 
The concentration of the salt before dilution was ca. 
0.5 mol/kg, 1 mol/kg and 1.5 mol/kg. Typically, ca. 
17 g of the salt-containing solution were diluted with 
ca. 28 g of pure water. Measured enthalpies of dilution 
ranged from ca. - 6 2  to +46 J. 
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Table 1 
Experimental results for the enthalpy of dilution in the 
sulfate-water system 

sodium 

r / r  _it) / enlul / enlt) / AH~.2 / f Vdp / "'Na2 SO4 / 
K (mol/kg) g g J J 

313.2 0.500 27.583 16.901 4.7 0.37 
313.2 0.500 27.424 16.900 4.7 0.37 
313.2 0.500 27.309 16.953 4.4 0.37 
313.2 1.001 27.253 17.820 23.1 0.17 
313.2 1.001 27.963 17.690 22.8 0.18 
313.2 1.500 28.101 18.742 46.2 -0.14 
313.2 1.500 27.713 18.721 45.8 -0.14 
313.2 1.500 27.371 18.761 46.0 0.14 
313.2 1.500 26.779 18.810 45.2 -0.15 

333.4 0.500 27.588 1 6 . 9 7 0  -4.3 0.29 
333.4 0.500 27.050 1 6 . 9 9 7  -4.0 0.28 
333.4 1.000 27.938 17.884 -0.7 0.11 
333.4 1.000 27.794 1 7 . 8 6 6  -0.8 0.11 
333.4 1.500 27.552 18.758 4.9 -0.18 
333.4 1.500 27.106 18.712 4.6 -0.18 

353.1 0.500 25.343 16.909 - 10.9 0.12 
353.1 0.500 25.593 16 .932  -10.9 -0.12 
353.2 1.000 27.160 18.015 -21.2 0.29 
353.1 1.000 25.661 17.746 -20.0 -0.27 
353.1 1.000 25.880 17.726 -21.3 -0.27 
353.1 1.500 25.385 18.681 -28.9 -0.50 
353.1 1.500 25.681 18.650 -30.1 -0.51 
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Fig. 3. Enthalpy of dilution in the sodium sulfate-water system. 
(C)) - experimental results, this work; ( ) - calculated results 
with the Pitzer model. 

373.4 0.500 25.569 16.391 -19.1 -0.77 
373.4 0.500 25.302 16 .308  -19.5 -0.75 
373.3 1.000 26.481 17 .369  -40.5 -0.95 
373.4 1.000 26.627 17 .414  -42.3 -0.96 
373.4 1.500 24.766 18.398 -61.5 -1.06 
373.4 1.500 25.149 18.262 62.2 - 1.08 

During a series of measurements, neither the masses 
of the solutions filled into the upper and lower cham- 
bers of the mixing cells nor was the temperature held 
exactly constant. Therefore, for the graphical repre- 
sentation of the enthalpy of dilution, the original 
experimental data were interpolated to constant 
masses in the upper and lower chambers of the mixing 
cell and to a constant temperature (for details, cf. 
Weyrich [2]). However, only the original experimental 
data are presented in the tables. 

In Fig. 3, the new results (interpolated to constant 
masses in the upper and lower chamber of the mixing 
cell and to a constant temperature) for the enthalpy of 
dilution in the binary sodium sulfate-water system are 
plotted vs. the molality of sodium sulfate in the lower 

chamber before mixing. Furthermore, results calcu- 
lated from the Pitzer [3] model with interaction para- 
meters as taken from Rogers and Pitzer [4] are shown. 

As can be seen from Fig. 3, at 313 K a mostly 
endothermic effect upon diluting aqueous solutions of 
sodium sulfate is observed. With increasing tempera- 
ture, that endothermic effect turns into an exothermic 
effect. For example, at an initial molality of sodium 
sulfate of ca. 1.5 mol/kg, the enthalpy change upon 
diluting ca. 17.8 g of the aqueous, salt-containing 
solution with ca. 26.7 g of pure water is ca. 45 J at 
313 K, whereas it is ca. - 6 1  J at 373 K. 

Experimental results for the enthalpy of dilution 
have been reported mostly as apparent molal enthal- 
pies 

L~ HE 
= - -  ( 3 )  

ns 

of the solution before or after dilution. To allow a 
direct comparison to the literature data, apparent 
molal enthalpies were determined from the new data 
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as follows: For the isothermal mixing process, the 
enthalpy change is 

AH1,2 = ns(L~2 - L~) (4) 

where subscripts 1 and 2 denote the state before and 
after mixing, respectively. As can be seen from 
Eq. (4), absolute values for the apparent molal 
enthalpy cannot be determined from experiments on 
the enthalpy of dilution. However, absolute numbers 
for L ~ can be calculated from a model for the excess 
Gibbs energy of the solution. To compare the new 
experimental results to literature data, the Pitzer equa- 
tion was used to calculate numbers for the apparent 
molal enthalpy after mixing. Numbers for L~ were 
then calculated from the experimental results for the 
enthalpy change by applying Eq. (4). 

According to the Pitzer model, the excess Gibbs 
energy of an aqueous solution containing a single salt 
M . X .  (salt molality: ms) is 

G E 
nwMwRT-- fl (I)+ 2m2UMvX (/3~!X +/3~!xf2 (I)) 

3 2 Z / ' ~ -  ,,-,0 
+ 2msUMUXV~-~X~t..MX (5) 

wheref~,fz are functions of ionic strength I, ~(0) ~(1) ~'M,X ~ ~ M , X  
the binary interaction parameters and C~x a ternary 
interaction parameter (for details, cf. Appendix B). 
The apparent molal enthalpy according to the Pitzer 
model is 

21" 1 Ofl + 2 m  ,h. 

N 

× + ~ f 2  (I) J) 
2 zT~ OC~x 

- 2RT2msV2Vxk/l~-xl OT (6) 

Interaction parameters fl~!x,/30M,x) and C~x for sodium 
sulfate were taken from Rogers and Pitzer [4] (cf. 
Appendix C). The calculation off~ requires the dielec- 
tric constant of pure water which was calculated 
according to a correlation by Bradley and Pitzer [5] 
(cf. Appendix D). 

In Fig. 4, the results for the apparent molal enthalpy 
calculated from the new experimental results for the 
enthalpy of dilution are plotted vs. the molality of 
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Fig. 4. Apparent molal enthalpy in the sodium sulfate-water 
system. (O) - experimental results, this work; (.) - experimental 
results, Snipes et al. [6]; and ( • ) - results calculated with the 
Pitzer model. 

sodium sulfate before mixing. Furthermore, the data 
of Snipes et al. [6] and results calculated with the 
Pitzer model are shown. A good agreement between 
the new experimental data and those taken from the 
literature is observed, especially at 313 and 353 K. At 
those temperatures, the absolute deviation between the 
data of Snipes et al. and the new data is typically 
smaller than 0.15 kJ/mol. At 333 K, the data of Snipes 
et al. deviate systematically from the Pitzer equation 
whereas the new data agree well with that equation. 

4.2. Enthalpy of dilution in the (NH4)2SO4-H20 
system 

The enthalpy of dilution in the (NH4)2SO4-H20 
system was measured in the temperature range from 
313 to 373 K. The results are summarized in Table 2. 
The salt molality before dilution ranged from ca. 1 to 
ca. 5 mol/kg. Typically, ca. 18 g of a salt-containing 
solution were diluted with ca. 26 g of pure water. 
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Table 2 

Experimental results for the enthalpy of dilution in the ammonium 
sulfate-water system 

7"/ __It) / m(Ul / th(1) / AH, 2/ f Vdp / crI(NH4)2 SO41 
K (mol/kg) g g J J 

313.2 2.002 26.696 17.829 0.8 -0.79 

313.2 2.002 28.028 17.907 0.6 -0.86 

313.2 3.004 26.870 18.632 0.5 -0.87 

313.2 3.004 28.912 18.873 0.1 -0.98 

313.2 4.006 28.088 19.130 -13.3 -1,12 

313.2 4.006 26.519 19.198 -13.8 -1 .04 

313.2 4.985 26.845 19.652 -33.7 1,38 

313.2 4.985 27,342 19.672 -33.3 - 1.42 

333.2 1.003 26.228 16.882 15.7 -0.69 

333.2 1.003 26.316 16.968 -15.7 -0.69 

333.3 2.015 26.604 17.870 -30.9 -0.70 

333.3 2.015 26.049 18.024 -31.4 -0.68 

333.2 3.021 26.365 18.498 52.8 0.76 

333.2 3.021 26.110 18.434 -51.6 -0.75 
333.2 4.005 27.272 18.891 -82.8 -0.99 

333.2 4.005 27.859 19.052 -83.0 1.03 

333.3 5.019 26.923 19.458 -123.6 1.33 

333.3 5.019 26.737 19.670 123.2 1.33 

353.2 1.008 26.782 17.020 28.3 -0.92 

353.0 1.008 26.148 16.955 -27.7 0.88 

353.1 2.015 25.791 17.723 -60.9 -0.87 

353.1 2.015 25.429 17.817 -60.9 -0.85 

353.2 3.033 26.674 18.448 -101.2 -1.00 

353.2 3.033 26.853 18.482 -103.4 -1.01 
353.1 3.993 26.167 19.085 -147.2 1.17 

353.1 3.993 25.586 18.993 -148.7 -1.13 

353.2 4.966 26.157 19.526 -199.7 -1.52 

353.3 4.966 26.055 19.625 -201.5 -1.52 

373.2 0.994 25.438 16.624 -41.1 -1.31 

373.2 0.994 25.377 16.653 -41.0  - 1.30 

373.2 1.985 25.446 17.611 -85.9 - 1.32 

373.2 1.985 25.294 17.498 -86.1 - 1.30 
373.3 3.001 26.985 18 .241  145.7 1.54 

373.3 3.001 27.001 18.121 -147.5 1.53 

373.3 4.000 25.123 18.836 -202.0 -1.58 
373.3 4.000 25.180 18.878 -205.2 - 1.59 
373.4 5.013 27.088 19.225 -279.6 -2.15 

373.4 5.013 26.899 19.285 -280.5 -2.13 

Measured enthalpy changes range from ca. 0 to 
- 2 8 0  J, i.e. exothermic mixing behaviour is observed. 
The enthalpy (absolute number) decreases (increases) 
with rising temperature. 

In Fig. 5, the experimental results for the enthalpy 
of  dilution (again interpolated to constant masses in 
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Fig. 5. Enthalpy of dilution in the ammonium sulfate-water 
system. (O) - experimental results, this work; and ( ) - 

correlation, this work. 

the upper and lower chamber of the mixing cell and to 
a constant temperature) are plotted vs. the molality of  
ammonium sulfate before dilution. Furthermore, the 
results of  a correlation with the Pitzer model are 
shown (see below). 

4.3. Enthalpy of dilution in the NH3-H20 system 

The results for the enthalpy of dilution in the NH3- 
H20 system are summarized in Table 3. The ammonia 
molality before dilution ranged from ca. 6 up to ca. 
18mol/kg.  Typically, ca. 25 g of  an ammoniacal 
solution were diluted with ca. 16 g of  pure water. 
Measured enthalpy changes ranged from ca. - 2 9  to 
- 3 0 0  J. As it is to be expected, only exothermic 
behaviour is observed. There is only a small influence 
of temperature on the enthalpy of dilution. 

The experimental results for the enthalpy change 
upon dilution (interpolated to constant masses in 
the upper and lower chamber of the mixing cell and 
to a constant temperature) are plotted in Fig. 6 vs. the 
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Table 3 
Experimental results for the enthalpy of dilution in the ammonia- 
water system 

.,,I.l / e,,I.~ / ;~ol / ~H,.2/ f yap~ T/ NH3 / 

K (mol/kg) g g J J 

312.9 5.990 26.109 15.989 -30 .6  0.04 
312.9 5.990 26,193 15.975 -31.1 0.04 
312.8 5.990 26,043 16.008 -30 .4  0.04 
312.8 12.198 25,180 16.042 -127.1 0.07 
312.8 12.198 25A46 16,029 -128.7 0.07 
312.2 17.998 24,657 16.000 -283.9  0.42 
312.2 17.998 24,223 16.097 -285.8 0.41 

333.6 5.990 25.936 16.001 -31 .3  0.13 
333.6 5.990 26.139 16.035 -31.1 0.13 
333.6 5.990 26.391 15,947 -31 .6  0.13 
332.6 11.968 25.096 15.760 - 126.0 0.19 
332.6 11.968 24.843 15.756 -127.2  0.19 
333.3 17.998 23.890 16.039 -293.6  0.56 
333.2 17.998 24.069 16.028 -294.8 0.57 

353.4 6.023 26.096 15.754 -30 .9  0.02 
353.4 6.023 26.012 15.784 -31 .7  0.02 
352.7 11,916 25,617 15.780 -132.2 0.14 
353.3 11.916 25.827 15.966 -134.3 0.14 
353.3 11.916 26.205 15.826 -135.0  0.15 
353.1 17.544 24.177 15,968 -290.2  0.66 
353.0 17.544 23.455 16,000 -287.6  0.64 

373.2 5,794 26.028 15,383 -29 .4  -0 .24  
373.3 6,050 24.380 15,746 -32 .4  -0 .24  
373.3 12.143 24.997 15,498 -136.2  -0 .07 
373.3 12.143 25.169 15,573 -134.7  -0 .07  
373.3 17.715 24.051 15,658 -304.4  0.58 
373.3 17.715 23.947 15.505 -303.0  0.58 

molality of  ammonia before dilution together with the 
results of  a correlation (see below). 

5. Modeling 

5.1. The (NH4)2SO4--H20 system 

For an aqueous system containing a single salt, the 
Pitzer model for the excess Gibbs energy requires 
three interaction parameters (cf. Eq. (5)). Thus, to 
correlate the new results for the enthalpy of dilution 
in the ammonium sulfate-water system, the tempera- 
ture derivatives of  the interaction parameters 

(0) ~(1) and C ¢' + 2-, , + 2- (NI~hSO4 were fitted to 
N H  4 , S O  4 N H  4 , S O  4 
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Fig. 6. Enthalpy of dilution in the ammonia-water system. (O,  O, 
A ,  [:]) - experimental results, this work; and ( ) - 
correlation, this work. 

the results for the enthalpy of dilution. The influence 
of temperature on the interaction parameters was 
described by an empirical equation: 

qt 
f(T) = qo + ~ /K + q21n (T/K) + qa(T/K). 

(7)  

Parameters ql to q3 were determined from the 
new experimental data for the enthalpy of dilution, 

r ~(0) ~(1) parameters qo from numbers IO /ONH ~,soj_, ~'NH;,SO~- 

and C~Nr~ ) so, at 298.15 K as given by Pitzer [7]. The 
resulting s~t of  parameters is given in Table 4. With 
that parameter set, the new data for the enthalpy of 
dilution are correlated with an average absolute devia- 
tion of 2 J (cf. Fig. 5). 

The new correlation can also be used to calculate 
other properties, e.g. the pressure above and the 
osmotic coefficient of aqueous solutions of ammo- 
nium sulfate (for details, see further on). Figs. 7 and 8 
show a comparison between calculated and experi- 
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Table 4 
Interaction parameters to describe phase equilibria and caloric effects in aqueous systems containing ammonium sulfate 

Parameter qo ql q2 q3 

!(0) 2 ~t~ so, 17.79893 -589.017 -2.979609 4.005157 x 10 3 
H~ ,SOl4 766.00 -- 23129.6 -- 130.631 0.189579 

C(Nm)2so, --4.203152× 10 3 3.39601 5.78395× 10 3 __ 
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Fig. 7. Total pressure above aqueous solutions of ammonium 
sulfate. (©) - experimental results, Nikolski [8]; and ( ) - 
prediction from the calorimetric results of this work and interaction 
parameters at 298.15 K as given by Pitzer [7]. 

mental results. In Fig. 7, the experimental results of 
Nikolski [8] for the total pressure are compared to 
predictions from the present work at temperatures 
between 313 and 383 K and salt molalities of up to 
ca. 8 mol/kg. The predictions agree with the experi- 
mental data within ca. 1% at ammonium sulfate 
concentrations of up to ca. 5 mol/kg, i.e. up to the 
maximum salt concentration investigated in the 
present work. However, at higher salt concentrations, 
larger differences are observed and calculated 
pressures are always larger than observed experimen- 
tally. The deviation between predicted and measured 
pressures increases with temperature and ammonium 

sulfate molality to ca. 8% at 383 K and ca. 8 mol 
(NH4)2SO4/kg of water. It was also attempted to 
include this total pressure data into the determination 
of the binary and ternary interaction parameters. 
However, no significant improvement could be 
achieved. The failure might be due either to some 
inconsistencies in the experimental data or to the 
extension of the Pitzer model to a very high 
ionic strength (in an aqueous solution containing 
eight moles of (NH4)2SO 4 per kilogram of 
water, the ionic strength is 24 mol/kg!). The results 
of Clegg et al. [9] for the osmotic coefficient, 
namely 

- In  aw 
¢ = (8)  

Mw(UM + ux)ms 

of aqueous solutions of ammonium sulfate at 298.15 K 
and 323.15 K may be used to support either one (or 
both) suspicions. The experimental data of Clegg et al. 
are compared with predictions in Fig. 8. At high 
ammonium sulfate molalities, calculated osmotic 
coefficients are larger than the experimental results 
(e.g. at rns = 6 mol/kg by ca. 6 and 1.6% at 298 and 
323 K, respectively). However, lower osmotic coeffi- 
cients correspond to higher vapor pressures. Thus, the 
signs of the differences between calculated and experi- 
mental data are different for the data of Clegg et al. and 
those of Nikolski. But the results of Clegg et al. can 
also be used to support the suspected problems in 
regard to the Pitzer model. Clegg et al. also described 
their experimental results for the osmotic coefficient 
with the Pitzer model, but they introduced an influence 
of the ionic strength on the parameter describing 
ternary interactions. Obviously, additional experimen- 
tal results are required especially at high salt concen- 
trations over a wide range of temperatures to arrive at 
an unambiguous decision on the reason for the differ- 
ences between calculated and measured pressures and 
osmotic coefficients of aqueous solutions of ammo- 
nium sulfate at high salt concentrations. 
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Fig. 8. Osmotic coefficients in the ammonium sulfate-water 
system. (C), [3) - experimental results, Clegg et al. [9]; and 
( ) - prediction from the calorimetric results of this work and 
interaction parameters at 298.15 K as given by Pitzer [7]. 

5.2. The NH3-H20 system 

To correlate the new results for the enthalpy of 
dilution in the ammonia-water system, a similar 
procedure as described before was applied. In the 
concentration range investigated here, the protolysis 
of ammonia can be neglected. Two interaction para- 
meters (~(0)~NHa,NH3 and TNHa,NH 3,NH3 , cf. Appendix B) are 
required to describe caloric effects and phase equili- 
bria in the NH3-H20 system with the Pitzer equation. 
The temperature derivatives of both interaction para- 
meters were fitted to the new data (cf. Table 3) for the 
enthalpy of dilution. The influence of temperature on 
both parameters was approximated by Eq. (7); how- 
ever, it proved sufficient to neglect the last term (i.e. 
q3 = 0). Parameters ql and q2 were fitted to the 
experimental results for the enthalpy of dilution. 
The remaining parameters qo were determined from 
vapor-liquid equilibrium data for the ammonia-water 
system as follows: The composition of the vapor phase 

was calculated applying extended Raoult's law for 
water (solvent) 

PYw~w :- Pw~Pwexp 

and extended Henry's law for ammonia (solute) 

tt (m) s 
PYNH3 q0NH 3 = H~H 3,w ( T, Pw ) 

(9) 

vO~ S 
( NH3 w ( P -  Pw)X~ (m) 

× exp ~- ' R-T ) mNI-I3"YNH3. 

(10) 

Henry's constant for ammonia was taken from Rumpf 
and Maurer [10]. The fugacity coefficients of water 
and ammonia were calculated from the virial equation 
of state with second virial coefficients also taken from 
Rumpf and Maurer [10]. The vapor pressure and 
density of pure water were calculated from the equa- 
tions of Saul and Wagner [11] (cf. Appendix E). The 
partial molar volume of ammonia at infinite dilution in 
water was calculated according to the procedure by 
Brelvi and O'Connell [12]. Numbers for the interac- 
tion parameters /3 (0) and 7"NH3,NH3,NH 3 were then NH3,NH3 
determined by fitting to the isothermal vapor-liquid 
equilibrium data of Smolen et al. [13] at 353 K, thus 
resulting in numbers for the parameters q0 in Eq. (7). 
The resulting set of parameters is given in Table 5. 

In Fig. 9, the data of Smolen et al. [13] for the total 
pressure above aqueous ammoniacal solutions are 
plotted versus the molality of ammonia dissolved in 
the liquid phase. Furthermore, results calculated with 
the Pitzer model are shown. Except for 353 K, the 
calculated isotherms are predictions. A good agree- 
ment between the experimental and predicted total 
pressures is observed, although the temperature range 
of the vapor-liquid equilibrium data (293 to 413 K) is 
by far larger than that of the new data for the enthalpy 
of dilution (313 to 373 K). The average and maximum 
relative deviation is 0.8 and 3%, respectively. The 

Table 5 
Interaction parameters to describe phase equilibria and caloric 
effects in the ammonia-water system 

Parameter q0 q~ q2 

/3~n ) -0.0197 9.864 - -  3,N113 
"FNH3,NH3,NI-I3 5.539×10 3 --1.1789 --8.61 X 10 -4 
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6. Conclusions 

The enthalpy change accompanying the isothermal, 
isobaric dilution of aqueous solutions of the single 
solutes sodium sulfate, ammonium sulfate and ammo- 
nia were determined by batch calorimetry at tempera- 
tures between 313 and 373 K and solute 
concentrations of up to about 1.5 (Na2SO4), 5 
((NH4)2SO4) and 18 (NH3) mol/kg. The experimental 
results are compared with literature data 
(H20 + Na2SO4) and correlated using Pitzer's model 
for the Gibbs excess energy. The correlations are also 
used to predict the vapor-liquid equilibrium (i.e. vapor 
pressure and osmotic coefficients in the 
H 2 0  ÷ ( N H 4 ) 2 S O 4  system and total pressure and 
partial pressures in the NH3 + H20 system). With 
the exception of the vapor pressure above aqueous 
solutions of ( N H 4 ) 2 S O  4 at high salt concentration, the 
predictions agree with the experimental data within 
the experimental uncertainty. 

O ~  
0 5 I0 15 20 25 

m~/(mol/kg) 

Fig. 9. Total pressure above aqueous solutions of ammonia. ((>, [~, 
O,  ~ ,  ~ )  - experimental results, Smolen et al. [13]; and ( ) 
- prediction, this work. 

partial pressures of ammonia and water are predicted 
with average relative deviations of 0.8 and 2.7%, 
respectively. 

No experimental results for the enthalpy of dilution 
of aqueous solutions of ammonia in the temperature 
and concentration range investigated here have 
been reported in the literature. However, some results 
for the heat effect observed when pure, liquid ammo- 
nia is mixed with water have been reported, e.g. by 
Macriss et al. [14], Scatchard et al. [15] and Staudt 
[16]. A comparison between that literature data 
and the new results requires a transformation of 
reference states, i.e. an extrapolation of the experi- 
mental results either to pure water or to pure ammonia. 
Such an extrapolation results in large uncertainties in 
the differences of reference state enthalpies. The 
uncertainties are too large to allow for a reasonable 
comparison between the different data sets (cf. Weyr- 
ich [2]). 

7. Nomenclature 

AB 

A~ 

ai  

a l  • • .  a6 

bl . . .  b6  

b 

B(T), C(T) 

ai~ bi~ ci  

C 

D 

D 

e 

f 

k,f2,f3 
G E 

H 

effective cross sectional area of the 
diaphragm bellows 
Debye-Hiickel parameter 
activity of component i 
constants in the equation for the 
vapor pressure of pure water 
constants in the equation for the 
density of pure water 
constant in modified Debye-Hiickel 
expression 
functions in the expression for the 
dielectric constant of pure water 
constants in Eq. (A.8) 
third virial coefficient in Pitzer's 
equation 
relative dielectric constant of water 
function of temperature 
(cf. Eq. (C.6)) 
charge of proton 
function for the temperature depen- 
dence of an interaction parameter 
functions in Pitzer's equation 
excess Gibbs energy 
enthalpy 
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~m w) 

I 
k 
kB 

l 
L ~ 
Mw 

mi 
rhi 
ni 

NA 
P 
a 

qi 

R 

T 
U 
U1. . .  U9 

V 
v 

W 
x 

y 

Zi 

Henry's constant for the solubility 7.2. Subscripts 
of gas i in pure water (on molality 

c critical 
scale) i, j, k component i, j, k 
excess enthalpy MX salt MX 
ionic strength (on molality scale) M cation M 
Boltzmann constant X anion X 
force constant of the diaphragm R reference 
bellows w water 
elongation of diaphragm bellows 

s salt 
apparent molal enthalpy 0 reference 
molar mass of water in kg/mol, i.e. 1 state before mixing 
0.018 kg/mol 2 state after mixing 
molality of component i 

mass of component i 7.3. Superscripts 
number of moles of component i 
Avogadro's number (1) lower chamber 
total pressure s saturation 
heat (u) upper chamber 
coefficient for the temperature depen- (m) normalized to infinite dilution, i.e. 
dence of an interaction parameter mi -- 1 mol/kg in water for concentra- 
universal gas constant tion, but mi ~ 0 in water for 
absolute temperature interactions 
internal energy c~ infinite dilution 
constants in the expression for the ' liquid phase 
dielectric constant of pure water " gas phase 
volume 
partial molar volume Acknowledgements 
work 
variable in Pitzer's equation Financial support of this investigation by the 
mole fraction in vapor Deutsche Forschungsgemeinschaft, Bonn is gratefully 
number of charges of component i acknowledged. 

7.1. Greek letters 

/~(o),fl(~) 

,y 

A 

£o 
t~vl , t~x 

P 
"rij,k 

0 

¢ 

constant in Pitzer's equation 
binary interaction parameters in Pitzer's 
equation 
activity coefficient 
difference 
vacuum permittivity 
number of cations and anions in salt 
MX 
mass density 
ternary interaction parameter in Pitzer's 
equation 
reduced temperature (cf. Eq. (E.3)) 
fugacity coefficient 
osmotic coefficient 

Appendix A 

Details on the procedure applied to calculate the 
enthalpy change upon dilution from the direct 
experimental results 

To calculate the enthalpy change upon dilution from 
the experimental results for the heat measured in an 
experiment (cf. Eq. (2)), the following procedure was 
applied: Let V1 be the volume of the solution before 
mixing where the elongation of the diaphragm bellows 
is ll. Then, at an arbitrary elongation l, the volume of 
the solution is 

V = V 1 - A B ( l  -- ll) (A.1) 

where Aa is the effective cross sectional area of the 



88 B. Rumpf et al./Thermochimica Acta 303 (1997) 77-91 

Table 6 
Densities in the NH3-H20, (NII4)2SO4-H20 and Na2SO4-H20 binary systems: Coefficients of Eq. (A.8) 

System NHs-H20 NaeSO4-H20 (NH4)2SO4-H20 
source of data D'Ans, Lax [ 17] Landolt-BSrnstein [ 18] Landolt-BiSrnstein [ 18] 

al 1.1479 1.1182 1.1550 
a 2 --5.0106x10 4 4.1329×10 4 --4.9860×10 4 
bt -1 .4227×10 3 1.6708×10 i 5.8814x10 2 
b2 -1 .8524×10 5 -1 .3825×10 4 1.0640×10 5 
cl -7 .3882×10 5 1.7848×10 2 -3 .2702x10  3 
c2 6.1781×10 7 2.9763×10 5 -5 .9800x10  7 

diaphragm bellows. Assuming Hooke's law for the 
elastic behaviour of the diaphragm bellows, the dif- 
ference between the pressure in the cell pi and the 
pressure Po is: 

Pi = Po - ~ (l - Io) (A.2) 

where lo is the elongation of the diaphragm bellows 
when there is no pressure difference across the bel- 
lows. From Eq. (A.2), it follows 

dl. (A. 3 ) dpi 

Inserting Eqs. (A. 1) and (A.3) into Eq. (2) results in 
2 

iVdp = Vlk . (V2-V I ' ]  1 k [ 'V2-VI '~ 2 

1 

(A.4) 

The volumes of the solutions before and after mixing 
may be expressed by the masses and densities before 
and after mixing: 

~(u) rh(l) 
v~ = 7 + 7 (A.5) 

rh (u) + rh(I) 
V2 -- (A.6) 

02 
Hence, Eq. (A.4) can be rewritten: 

2 [ /?~/(u)  t~/(l) ~ 

A--~B kR [ t ~  + -OT~- ) f vdp = - 

1 

× / 
\ 02 

rhO)~ 
0(u) 

2 02 o/°) 
(A.7) 

The following empirical equations were used to cal- 
culate the densities of the aqueous solutions: 

o'(T, mi) 
g/cm3 -- (al + a2(T/K)) 

+ (bl + b2(T/K))mi/(mol kg -1) 

+ (Cl + c2(T/K))(mi/(mol kg -1))2. 

(A.8) 

Coefficients ai to ci were fitted to experimental results 
for the density in the sodium sulfate-water, ammo- 
nium sulfate-water and ammonia-water systems. The 
resulting coefficients as well as the literature sources 
of the experimental data are given in Table 6. 

Appendix B 

Brief outline of Pitzer's model 

Pitzer's [3] equation for the excess Gibbs energy of 
an aqueous, salt-containing system is 

G E 
RTnwMw - f l  (I)+ E E mimj(/3}°) +/3}~ )f2 (x)) 

i#w j#w 

+ E E E mimjmkT-id'k (B.1) 
i#w j~w kCw 

where/3} °), ,_,j/7!!) and rij,k are binary and ternary inter- 
action parameters, respectively. The functionfl (I) is a 
modified Debye-Htickel term 

fl (I) = - a o  ~/In (1 + bvO) (B.2) 

where I is the ionic strength 

1 2 I = ~ y~, miz i (B.3) 
"7" 
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and b = 1.2 (kg/mol) U2. A¢ is the Debye-Hiickel 
parameter for the osmotic coefficient 

1 i/2rcNAP~,(." e2 ~ 3/2. 
A~ = -~ V I uuu \~TreOUrZ / 

(B.4) 

The function f2 is defined as 

2 (1 - (1 +x)e -x) (B.5) f2 (x) = ~5 

where x = ax/I. For the salts considered here, 
a = 2.0 (kg/mol) 1/2. 

Differentiation of Eq. (B. 1) yields the activity coef- 
ficient of the dissolved species i: 

( x/l + - ~ l n ( l + b x / ] ) )  In ~}m) = _aCz 2 1 + bx/~ 

+ 2 y'~ m,@~ °/+ fl}J/f2(x)) 
j¢w 

- z~ E Z mjmkfll lk)f3(x) 
j#w k#w 

+ 3 E Z mjmk'ri&k 
j#w k#w 

(B.6) 

where f3 is defined as 

f , ( x ) = ~  1 -  l + x +  e -x . (B.7) 

The activity of water follows from the Gibbs-Duhem 
equation 

i 1.5 
lnaw = Mw 2A¢ 1 ~ v  Q E E m i m j  

i#w j#w 

× (/3}0) + fllj)e_X ) )  _ Mw 

x ( 2 Z E E m i m j m k T i j , k - - E m i  I .  
i#w j~:w k#w i#w / 

(B.8) 

For systems containing a single salt M~+X,_, the 
binary and ternary parameters involving two or more 
species of the same sign of charge are usually 
neglected. The ternary parameters rM,X,X and TM,M, X 
are usually reported as third virial coefficients Co for 

the osmotic coefficient. Instead of rewriting Eqs. (B.6) 
and (B.8) in terms of CO, we preferred to set rM,X,X to 
zero and calculated the ternary parameters rM,M,X 
from numbers reported for Co: 

v~ CO (B.9) 2 : 1 salt : TM,M, X = 

Appendix C 

Interaction parameters for Pitzer's equation 

The following section reports relations for the 
temperature dependence of the interaction parameters 
for sodium sulfate as given by Rogers and 
Pitzer [4]. T is the temperature in Kelvin and 
TR = 298.15 K. 

(1) 
1-- ~R R + qs(T2 - T~) ~¢ol = ~ ( o l ( r R )  - A 

+ q6(T - rR) + qT ln ~R 

1 1 
--q8(~--~-~R)+q8(T_l-263 

(C.1) 

(0fl(0)~ _2qsT3 q6T2 q7TR r~ A 
• - \  o r  )~=~. 

( 1 T R  263 2(TR263 - ,  + 526q8 - t --263)2] 

(C.2) 

(1) l _ ~  
f l ( I )=/3(I)(TR)-B ~ +q9(T2-T2) 

+ qlo(r - TR) + qll In 

- q12 ( 1 - -  T~) 

+q12 T -263 TR 263 

1 
- 680q13 ( (T  -1680)T (Tn - 680) T£) 

(C.3) 
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T2 {0/3(1)'~ --2q9T3R -- qlO T2 -- qll  TR 8 :  " 

+ 526q12 TR - 263 + 2(TR ----263)i] 

(_680 l ) 
- 1360q13 ~2(TR- -680)  2 6 8 0 -  TR 

(C.4) 

C e = C¢(TR) -- D - TR q- ql4(T - TR) 

+ 263q15 (T - 263)T - (TR -- 263)TR 

(c.5) 

where 

U8 
B(T) = U7 + ~ - +  U9T (D.2) 

U5 
C(T) = U4 -4- U6 - ~ "  (0 .3)  

U1 = 3.4279E02; U6 = -1 .8289E02;  
U2 = -5 .0866E-03;  U7 = -8 .0325E03;  
U3 = 9.4690E-07; U8 = 4.2142E06; 

U4 = -2 .0525;  U9- -  2.1417; 
U5 = 3.1159E03 
In these equations, p is in bars. 

In the range investigated here, p was set equal to the 
saturation pressure of  pure water. 

r2(OC°) 
D : R ~ OT )T=Tr~ -q14T2 

+ 526q15 TR -- 26~ -~ 2(TR - 263) 2 

(C.6) 

A p p e n d i x  E 

Equations for  the vapor pressure pS and saturated 
liquid density P~w of  pure water 

Equations given by Saul and Wagner [ 11 ] 

/3(°) (TR) = 0.01869; 
,~(1) (TR) = 1.0994; 
C4'(TR) = 0.005549; 
(&3(°)/OT)(r=rR) = 0.002349; 
(O/~(1)/OT)T=TR = 0.005958; 
( OC~ / OT)r=r ~ = -0 .000479;  
q5 = - 1.03611E-5; 
q6 = 3.00299E-2; 
q7 = - 1.43441E1 

q8 = -6 .66894E-1;  
q9 = -3 .23550E-4;  
qlo = 5.76552E-1; 
q~ = -1 .88769E2;  
q12 = -2 .05974E-1;  
q13 = 1.46744E3; 
ql4 : 5.14316E-5; 
q~5 = 3.45791E-1; 

A p p e n d i x  D 

Dielectric constant of  pure water 

The relative dielectric constant of water is (Bradley 
and Pitzer [5]): 

D(T,p)  = Ulexp (U2T + U3T 2) 
/" B(T) +p 

+ C(T)ln k,B-(-~)-+-i---OOOJ (D.1) 

in(aS \Pc / = T (alO + a2015 -t- a303 

+ a4035 + a504 + a6075) (E.1) 

I 
P w = 1 + blO (1/3) + b20(2/3) q- b3 0(5/3) 
Pc 

+ b40 (16/3) + b5 0(43/3) + b60(110/3) (E.2) 

where 

0 = 1 - - -  
T 
T c  (E.3) 
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a l  = - 7 . 8 5 8 2 3 ;  b l  - -  

a2 = 1 .83991;  b2 = 

a3 = - 1 1 . 7 8 1 1 ;  b3 = 

a4 z 22.6705; b4 = 

a5 = - 1 5 . 9 3 9 3 ;  b5 = 

a 6 = 1.77516; b 6 - -  

Cr i t i ca l  p r o p e r t i e s  o f  wa te r :  

1.99206; 
1.10123; 
-0 .512506;  
- 1.75263; 
-45 .4485;  
-6 .75615E05 
Pc = 22.064 MPa, 

Tc -- 647.14 K, Pc = 322.0 k g / m  3. 
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