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2 was determined by tabular integration of the average ob- 
served heat capacities as a function of temperature in the 
anomaly, and the last term was determined by integrating the 
heat capacity equation above the anomaly over the tempera- 
ture range of the tabular integration. The values for the en- 
thalpy of transition calculated in this manner are listed in Table 
I1 and shown in Figure 1. 

Values for heat capacity and enthalpy change above 298.15 
K at even intervals of temperature for the phosphoric acMs 
were calculated from the heatcapacity equations, their integrals 
with the proper Integration constants, and the heats of transltkn 
listed in Table 11. These values are listed in Table 111. Enthalpy 
changes above 298.15 K also were calculated at the same 
temperatures as those reported by Wakefleld et el. ( 7), and the 
values compared in Figure 2. The results are in good agree- 
ment except at 72.6% P20J, a concentration in which the en- 
thalpy of transition is quite pronounced, and above 350 K (77 
"C), the temperature of the transition. This discrepancy prob- 
ably can be explained by the fact that only the energy released 
as the acid cools from the higher temperature to 298.15 K in 
a short period of time would be measured by the drop calorim- 
eter. The slow release of energy as the acid converts from the 
high-temperature form to the low-temperature form, which 
takes several hours, would not be detected. 

Values of heat capacity of the phosphoric acid calculated 
from the heat-capacity equations were plotted against con- 
centration at each 10degree interval of temperature, and 
smooth curves were drawn through the points. Values of heat 

capacity at each l0-degree interval of temperature for phos- 
phoric acids at even intervals of concentration then were read 
from the curves. Values of the enthalpy of transition at even 
intervals of concentration were read from Figure 1. Equations 
were f i e d  to these values, and the heat capacities and en- 
thalpy changes above 298.15 K were determined as described 
above and are listed in Tables I V  and V, respectively. The 
temperatures were converted to Celsius to make the report 
compatible with the previous one ( 7). 

Corrections for converting C, to C,, the heat capacity at 
constant pressure, based on vapor pressures and enthalpies 
of vaporization taken from the literature (3) and the assumption 
that the liquids occupied 75% of the encapsulated volumes 
were less than 0.001 cal deg-' 9-l over most of the tempera- 
ture ranges but did increase to 0.002 cal deg-' g-l when the 
liquids were near their boiling points. These corrections, ap- 
proximately the same magnitude as the differences between 
the observed and calculated heat capacitles, were considered 
to be within the precision of the measurements. 

Literature Cited 

(1) Wakefield, Z. T.; Luff, B. B.; Reed, R. 6. J .  Chem. €ng, Data 1972, 

(2) (Ynnings, D. C.; Fwukawa, G. T. J. Am. Chem. Soc. 1959, 75, 

(3) Brown, E. H.; WMtl, C. D. Ind. Eng. Chem. 1952, 44. 615-8. 

17, 420-3. 

522-7. 

Recelved for review June 2, 1980. Accepted October 27, 1980. 

Solubitity of Acetone and Isopropyl Ether in Compressed Nitrogen, 
Methane, and Carbon Dioxide 

Paul J. Hicks, Jr., and John M. PrausnRz" 
Chemical Engineering Department, Universw of Californie, Berkeky, Californie 94 720 

Vapor-phase eolubllitles are reported for acetone and 
Isopropyl ether In compressed nitrogen, methane, and 
carbon dioxlde, In the range -50 to 50 O C  and 17-63 bar. 
The experimental sduMlitks are reduced to obtain second 
vlrlal cross-coeffidents. Experimental crosrccoeftlclents 
are compared to those calculated by wlng the 
square-well potentla1 or the Hayden-O'Cormdl corrdatbn. 

There is li le fundamental information concerning the inter- 
action between a smaH nonpolar molecule (2) and a large polar 
molecule ( 7). To obtain such information, it is useful to mea- 
sure the second virial cross-coefficient BI2 which is directly 
related to the intermolecular potential r12. This work reports 
experimental measurements which yield B12 for a number of 
binary polar-nonpolar mixtures. The experimental data ob- 
tained are the solubilities of acetone and isopropyl ether in 
compressed nitrogen, methane, and carbon dioxide. 

These measurements are also of interest in chemical engi- 
neering because they provide the fundamental information 
needed to calculate solvent losses in an absorption process 
operating at advanced pressure. 

This work is similar to that of Lazalde et el. ( 7), who studied 
the solubility of methanol in compressed gases. 

Experimental Sectlon 

The experimental apparatus is similar to that used by Larelde 
( 7). There are some minor modifications made primarily to 

facilitate changing pressures In the apparatus. A schematic of 
the flow apparatus is shown in Figure 1. 

A light (gaseous) component is equilibrated with a heavy 
(liquld) component at a given temperature and pressure. The 
gas phase is sampled and analyzed. 

The llght component is fed from a gas cylinder through a 
pressure regulator and a precooling/preheatlng coil to the two 
equilibrium cells arranged in series. The gas enters the bottom 
of each equillbrlum cell, containing the liquid being studied, 
through a stainless-steel sparger whose average pore size is 
5 pm. The slowly flowing gas is saturated with the liquid as it 
bubbles through the liquid. Two cells in series are used to 
ensure that the exiting gas is in equilibrium with the liquid. The 
top of each cell Is packed with glass wool to remove any 
possible entrainment of the llquid in the gas. The gas exits the 
second cell through a section of tubing heated to prevent 
condensation of the heavy component. In this section the gas 
is expanded to atmospheric pressure. The volumetrlc flow rate 
is always less than 0.3 cm3/s where the measured solubility is 
independent of the flow rate. 

The constant-temperature bath containing the equilibrlum 
cells is controlled by a HalHkainen (Shell Development) ther- 
motrol to 10.05 OC or better except at -50 OC where it is 
controlled to 10.15 O C  or better. At low temperatures, the bath 
fluid is 95% ethanol; at high temperatures, it is water. Tem- 
peratures above -10 O C  are measured with a set of Ilquid-in- 
glass calorimetric thermometers with an accuracy of io. 1 OC. 
Temperatures between -10 and -25 OC are measured with a 
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Table 1. Solubility of Acetone in Compressed Nitrogen, Methane, 
and Carbon Dioxide 

total mole fraction 
gas temp, "C press, bar acetone, 104y, 

35 55.0 135 
10 40.4 58.2 
10 55.2 50.9 
10 61.1 48.7 

-15 40.5 17.3 
-15 62.8 15.3 
-40 24.7 4.60 
-40 40.8 3.85 
-40 62.4 4.01 
-50 24.9 2.31 
-50 41.2 2.04 
-50 62.6 2.03 

methane 50 31.0 356 
50 61.6 2 20 

nitrogen 

0 31.3 50.5 
0 60.4 42.7 

-25 30.8 13.0 
-25 60.6 14.6 
-50 31.1 2.95 
-50 60.5 4.81 

carbon dioxide 10 21.1 94.8 
-13 16.6 35.6 

Table 11. Solubility of Isopropyl Ether in Compressed Nitrogen, 
Methane, and Carbon Dioxide 

Figure 1. Schematic diagram of solubility apparatus. 

IiquMin-giass precision thermometer tested by comparison with 
standards certified by the National Bureau of Standards with an 
accuracy of fO. 1 OC. Temperatures below -25 OC are mea- 
sured with a Hewlett-Packard 2801A quartz thermometer with 
an accuracy of f0.15 OC. The exit pressure is measured with 
a Heise pressure gauge with an accuracy of better than fO. 1 
bar. 

The exit gas passes through two condensers in series. They 
are at --78 OC, except for the carbon dioxide systems where 
the temperature is N-40 OC. Each condenser contains a 
condensing liquid (e.g., toluene) and a small, known amount of 
internal standard (ethyl acetate); the condensing liquid is satu- 
rated with the gas being studied. Acetone (or ether) condenses 
into the condensing liquid while the light component (nitrogen, 
methane, or carbon dioxide) passes through to a wet test meter 
which measures the volume of the effluent gas with an accu- 
racy of 1 % . Upon completion of a run, the condensers are 
removed from the cold bath and mixed thoroughly. A 5-pL 
sample of the condensing liquid is analyzed by a Beckman 
Model GC-PA chromatograph with a digital integrator from 
Spectra-Physics, Inc. The column is 183 cm long and packed 
with Porapak Q supplied by Waters Associates. The amount 
of heavy component condensed is determined from the ratio 
of the area of the condensed liquid to that of the standard 
component. Calibration curves are made for this purpose; 
reproducibility is - 1 % . 

Since the retention time in the chromatograph is long for 
toluene, R is sometimes preferable to use a different condensing 
liquid. For the experiments with ether (wlth nitrogen and 
methane), acetone is used instead of toluene. 

Materials 

Methane and carbon dioxide, obtained from Matheson, Inc., 
had specified minimum purities of 99.97 and 99.99%, respec- 
tively. Nitrogen was obtained from Liquid Carbonic Co. with a 
specified minimum purity of 99.996%. Acetone and isopropyl 
ether were obtained from AMrich Chemical Co., Inc. Acetone 
was spectrophotometric grade with a specified minimum purtty 
of 99+ % . Isopropyl ether had a specified minimum purity of 
99% and was distilled in a 13-tray Oidershaw column at high 
reflux. The top and the bottom 15% were discarded. I t  was 
necessary to distill the ether because the chromatograph 
showed impurities. Upon distillation these Impurities were no 
longer detectable. 

Results 
Tables I and I1 show the solubilities of acetone and isopropyl 

ether in compressed nitrogen, methane, and carbon dioxide. 

Thermodynamic Analysis 

For the conditions encountered here, the compressed gas 
phase is well represented by the pressure-exp#cR vklal equation 
truncated after the second term 

(1) z = PV/(RT) = 1 + BP/(RT) 

mole fraction 
total isopropyl 

gas temp. "C press. bar ether 104v. 

nitrogen 50 
50 
0 
0 

-25 
-25 
-5 0 
-50 

methane 50 
50 

0 
0 

-25 
-25 
-25 
-50 
-50 

carbon dioxide 50 
50 
25 
0 

-15 

28.4 
55.6 
29.2 
55.5 
30.3 
56.2 
30.3 
56.6 
31.0 
58.0 
29.0 
58.1 
29.0 
57.0 
58.1 
29.5 
58.0 
26.4 
43.7 
26.5 
20.14 
16.6 

237 
154 

33.0 
28.3 

8.33 
7.89 
1.47 
1 .75  

26 8 
198 
43.4 
37.4 
12.1 
16.8 
18.4 
2.27 
7 . 1 3  

272 
180 
120 
39.6 
17.2 

where P Is absolute pressure, T Is absolute temperature, v Is 
the molar volume, R Is the gas constant, and B is the second 
virial coefflclent. One advantage of using this equation is that, 
In addbn to pure-component parameters, only binary param- 
eters (second vlrlal cross-coefficients) are needed to describe 
multicomponent systems. Another advantage Is that the com 
position dependence of the second virial coefficient of the 
mixture, BM, can be derlved from statistical mechanics: 

B M  = CCYflpf (2) / I  

where y, and yj are the gas-phase mole fractions of compo- 
nents land j ,  respectively, and Bris the second vkiai coefficient 
describing the interaction between one molecule 1 and one 
molecule j .  The second virle1 cross-coefficlent, BI2, Is deter- 
mined as a function of temperature from the solublaty data given 
in Tables I and 11. 

To determine BI2, it is necessary to sdve the two equations 
of equilibrium: 

f," = f , L  (3a) 
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f z V  = f,L 

where flv and flL are the fugacities of component 1 (heavy 
component) in the vapor and liquid phases, respectively; sub- 
script 2 refers to the light component. Fugacities in the vapor 
phase can be written as 

fIV = Y14P (4a) 

fz" = Y242P 

where 4 is the fugacity coefficient. The fugacity of component 
1 in the liquid phase can be written as 

flL = ~ ~ % * ( 1  - x z h l  v14p - PlS) / (W (5) 

where vL is the molar liquid volume, Ps is the saturated vapor 
pressure, q5s is the saturated fugacity coefficient, and y is the 
activity coefficient. Combining eq 3a, 4a, and 5 yields eq 6. 

YlP 
4, = 

In eq 6, the gas-phase mole fraction, pressure, and tempera- 
ture are measured experimentally, and the molar liquid volume 
and vapor pressure are taken or estimated from the literature 
(2-6). The saturated fugacity coefficient is taken to be unity 
since the liquid vapor pressures are small at the temperatures 
studied. 

The liquid-phase moie fraction xz  is rekted to f t  through the 
Krichevsky-Ilinskaya equation 

where is Henry's constant at the given temperature and 
at the saturated vapor pressure, A is the Margules constant, 
and P" is the partiil molar volume at infinite dilution. Henry's 
constants for the acetone system are obtained from the liter- 
ature (7); for the isopropyl ether systems they are obtained 
from correlations (8- 70). The partiil molar volumes at infinite 
dilution are determined from the literature (2) and from corre- 
lations (9). 

The activity coefficient in eq 6 is estimated from the two- 
suffix Margules equation 

Fortunately, the desired quantity (Biz) is not sensitive to A, 
and therefore a rough approximation is satisfactory. Here, 
Margules constants are estimated from Henry's constant, 
through the activity coefficient at infinite dilution: 

72" = H2.1/f2L(~ure) (9) 

A = RTIn yZm (10) 
where the fugacity of pure "liquid" 2 at system temperature is 
calculated from a generalized correlation (9). Table I11 shows 
saturation pressures and molar volumes for the two liquids used 
here. Table I V  shows Henry's constants, Margules constants, 
and partial molar volumes. 
The fugacity coefficients are related to the pressure-expliiit 

virial equation by eq 1 l a  and 11 b. 

In 41 = MytB1, + Y ~ B ~ ~ )  - B,P/(RT) (1la) 

Equations 2-1 1 yield the second virial cross-coefficient, B12. 
The calculation of B12 is sensitive to the experimental value of 
yl. I t  is generally not sensitive to A, but it may be sensitive 

Table 111. Vapor Pressures and Molar Volumes for Acetone and 
Isopropyl Ether 

V ,  L? 
compd T, OC P, s,a bar cm3/mol 

acetone 50 
40 
35 
25 
10 
0 

-13 
-15 
-25 
-40 
-50 

isopropyl ether 50 
25 
0 

-15 
-25 
-50 

0.8196 
0.5 66 1 
0.4656 
0.3078 
0.1552 
0.09351 
0.045 14 
0.04005 
0.0212 
0.0069 
0.00313 
0.5432 
0.1996 
0.0576 
0.02359 
0.01223 
(0.00173) 

76.8 
75.7 
75.1 
74.1 
72.5 
71.5 
70.2 
70.1 
69.1 
67.8 
67.0 
147.4 
142.2 
137.4 
134.6 
132.8 
128.6 

Values for PIs  are experimental data or are estimated from ex- 
perimental data (2, 4-6); the estimated datum is indicated by pa- 
wntheses. Values for v l L  are experimental data for acetone (3) 
and experimental data and estimates from correlations for isopro- 
pyl ether (2, 15). 

Table N. Henry's Constants, Margules Constants, and Partial 
Molar Volumes at Infinite Dilutiona 

m - 
H I , , ,  A ,  *l f 

binary T, "C bar cm3 bar/mol cm3/mol 

nitrogen-acetone 

methane-acetone 

carbon dioxide- 
acetone 

nitrogen- 
isopropyl ether 

methane- 
isopropyl ether 

carbon dioxide- 
isopropyl ether 

35 
10 

-15 
-40 
-50 
50 
0 

- 25 
-50 
40 
25 
10 

-13 
50 
0 

- 25 
-50 
50 
0 

- 25 
-50 
50 
25 
0 

-15 

1750 
1950 
2170 
2380 
2460 
583 
511 
45 6 
386 
70.1 
51.5 
37.1 
20.2 

(562) 
(628) 
(675) 
(660) 
(225) 
(173) 
(150) 
(106) 
(101) 
(69.5) 
(32.0) 
(20.3) 

51 300 
50 300 
49 300 
48 800 
48 700 
26 500 
27 200 
28 600 
34 800 
2 160-5 220 
875-3 600 
918 

23 000 
23 000 
24 000 
25 000 

0 
2 630 
5 670 
12 000 
10 700 
9 730 
721 
237 

-642 

55 
54 
52 
51 
50 
56 
54 
52 
51 
48 
47 
46 
45 
57 
52 
50 
48 
60 
56 
54 
52 
60 
58 
56 
54 

a Values for A are calculated as indicated by eq 9 and 10. Some 
values for H l q 1  are experimental (3, others are estimated (10); the 
estimated values are indicated by parentheses. Values for F2 are 
estimated (2, 9). 

to Hz,l, as discussed later, if Hz,l is small. 

Second VIrlal CrosbCoefflclents 

Pure-component vlrial coeftidents for nitrogen, methane, and 
carbon dioxide are taken from the literature ( 7 ,  7 7). Virial 
coefficients for acetone and isopropyl ether cannot be flt to the 
square-well potential with reallstic parameters; the correlation 
of Tsonopoulos ( 72) is used here to estimate second virlal 
coefficients for these fluids. Table V and Flgues 2 and 3 show 
results for B12. 

The VHal coefflclents are related to a potentiel functkn whlch 
relates the intermolecular forces to a size parameter, 6, and 
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F@m 2. second vir$l crosscoefRclent for binary mixtues of acetone 
with nitrogen, methane, and carbon dioxide. 

Table V. Second Viriil CrossCoefficients 

binary T,  O c  B, , ,  cm3/mol 

nitrogen-acetone 35.0 -58 i 7 
10.0 -85 i7 

-15.0 -119i 7 
-40.0 -174 i 19 
-50.1 -199 i 13 

methane-acetone 50.0 -84i 12 
0.0 -191 i 13 

-25.0 -242 i 15 
-50.0 -360 i 17 

carbon dioxide-acetone 10.0 -531 i60 
-13.0 -966 i 120 

nitrogen-isopropyl ether 50.0 -38i20 
0.0 -149i20 

-25.0 -195 i 14 
-50.0 -248 i 20 

methane-isopropyl ether 50.0 -147i 12 
0.0 -293 i 26 

-25.0 -405 i 20 
-50.0 -550 f 60 

25.0 -402i50 
0.0 -610i 140 

-15.0 -903 i 210 

carbon dioxide-isopropyl ether 50.0 -223 i 70 

an energy parameter, t (9). This relation enables virlal coef- 
ficients to be interpolated and extrapolated with respect to 
temperature. As shown by LazaMe ( 7 ) ,  the square-well po- 
tential appears to be suitable for describing interactions be- 
tween small nonpolar molecules and somewhat larger polar 
molecules. 

Square-Well Potential 

related to the second virial coefficient: 
The square-well potential, I?, shown in Figure 4, is directly 

= 2/37rNaa1/3 ( 1 - (R3 - 1) ( exp ($- - 1 1  (12) 

where N, is Avogadro’s number and k Is Boltrmann’s constant. 
For pure nitrogen, methane, and carbon dioxide (B, or Bu), 
pure-component parameters a, c, and R are required. Param 

+ O O t  

-3 This Work ! Corrrlotion (13) 

--Squorr-Well Pokntiol -- Hoydm-O’Cmnell 
- ’ -60 -40 -20 0 20 40 60 80 

I I I  I I I I 1  

Temprroturr, ‘C 

Flgure 3. Second virial cross-coefficlent for binary mixtures of Iso- 
propyl ether with nltrogen, methane, and carbon dioxide. 

0 r 

u = collision diameter 
= well depth 

Flguro 4. Square-well potential I’. 

eters for nitrogen, methane, and carbon dioxide are taken from 
LazaMe ( 7). 

For acetone and isopropyl ether, size parameter, u, is es- 
timated from Figure 5, which shows the cube root of the critical 
volume vs. experimental square-well values for a. The “best” 
straight line from the origin is drawn through the experimental 
points. 

To calculate the cross-coefficient, 9, we first investigated 
these mixing rules for a,, and E,,: 

(R-1) = ratio of well width to u 

a// = X(.// + a//) (13) 

t , j  = ( E / / t j j ) ” z  (14) 
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Figure 5. Estimation of u for square-well potential. 

Table VI. Parameters for Square-Well Potential 

compd a, nm elk,  K 
acetone 0.44 979 
isopropyl ether 0.57 967 

binary c ,  K 
nitrogen-acetone 5 5  
methane-acetone 5 5  
carbon dioxide-acetone 150 
nitrogen-isopropyl ether 40 
methane-isopropyl ether 57  
carbon dioxide-isopropyl ether 73  

For each binary, R, and are calculated from the experimental 
data and from eq 12 by using a nonlinear regression which 
minimizes the sum of the squared errors. For the polar com- 
ponent, E is then calculated from eq 14. One R, is desired for 
all binary systems. However, the best R,, based on the criteria 
of minimizing the sum of the squared errors, is - 1.13 for the 
binary systems containing nitrogen or methane, 1.02 for the 
carbon dioxide-isopropyl ether system, and 1.01 for the carbon 
dioxide-acetone system. These values, especially for the 
carbon dioxide-containing systems, are unreasonably small and 
lead to very large values of for acetone and Isopropyl ether. 

Because of polarity, the theory of intermolecular forces 
suggests that there should be a temperature-dependent cor- 
rection to eq 14. Following Lazalde ( 7 )  and setting R = 1.2, 
we assume 

where c is a positive constant accounting for orientational ef- 
fects. Table V I  gives experimental values for u, e, and c. 

As expected from Lazakle's experience, eq 15 gives better 
results; the nitrogen- and methane-containing binary systems 
can be fitted well. However, the carbon dioxide-containing 
systems are not described adequately. The square-well PO- 
tential is unable to reproduce the very strong temperature de- 
pendence of 8 1 2  shown in Figures 2 and 3. 

Hayden-O'Oconnel Correlatlon 

The Hayden-O'Connell correlation ( 73) Is an extension of the 
corresponding-states correlation presented earlier by O'Connell 
and Prausnitz ( 14). Hayden and O'Connell take into account 
association between molecules with an association parameter, 
7 7 .  

As shown in Figures 2 and 3, the correlation of Hayden and 
O'Connell is unable to represent B12 data for the carbon di- 
oxide-acetone and carbon dioxide-isopropyl ether systems; 

Table VII. Association Parameters for 
Hayden-O'Connell Correlation 

binary q 

nitrogen-acetone 0.156 
methane-acetone 0.168 
carbon dioxide-acetone 0.559 
nitrogen-isopropyl ether -0 
methane-isopropyl ether 0.040 
carbon dioxide-isopropyl ether 0.339 

calculated results are no better than those obtained from the 
square-well potential. In addition, the correlation is also poor 
for the nitrogen- and methane-containing systems. The one 
adjustable binary parameter appears to be tnadequate to fit both 
the magnitudes and the slopes of the curves. Best values for 
q are given in Table VII. 

Error Analyds 

There is necessarily some experimental error in the mea- 
surement of temperature, pressure, and gas-phase mole frac- 
tion. There is also some uncertainty in properties taken from 
the literature and In those estimated from correlations. The 
uncertainty introduced by Bt2 by experimental errors in P,  T, 
BZ2,  PZmr and viL are always small compared to those from 
other sources. The largest uncertainty in B12 is due to errors 
in P 811,  y l ,  or H2,1. Errors in y1 and Bll are the most 
significant for the nitrogen- and methanecontelning binaries at 
higher temperatures. Errors in Pl' (and SOmetkTles yl) are the 
most signlficant for these systems at the lower temperatures. 

However, for the carbon dloxlde-containing binaries, errors 
in H2,,  are generally the most Important sources of uncertainty 
in B12. As indicated in Figures 2 and 3, the uncertainties in BIZ 
are large; they are due almost entirely to errors in the Henry's 
constant, especially at the lower temperatures where H2,1 is 
small. For the carbon dioxide-acetone system, there are a few 
literature values for Henry's constant, but these are scattered 
and probabty of low accuracy. For the carbon dkxlde-isopropyl 
ether system, there are no experimental values, and the ac- 
curacy of the correlation is uncertain. As reported here, es- 
timated errors for Henry's constants are based on how well the 
correlation predlcts Henry's constants for the carbon dioxide- 
ethyl ether system, since experimental results for that system 
are available for comparison. 

Discusdon 

The squarewell potential Is suitable for representing second 
virial coefflclent data for the nitrogen- and "e-containing 
binaries. However, for the carbon dioxide-containing systems 
the square-well potential appears to be inadequate. The Hay- 
den-O'Connell correlation is also not satisfactory. 

The inabiltty of the two models to fit the experimental data 
is probably due to one (or both) of two reasons. First, the 
models may not be able to describe the carbon dbxide-aoetone 
and carbon dioxide-isopropyl ether interactions because of 
some strong specific interaction between the two dlssimilar 
molecules. Second, the calculated values for Biz  may be in 
error. High errors in B12 are introduced by uncertainties in 
Henry's constants. 

For engineering calculations, we suggest that the cross- 
coefficients calculated by using the square-well potential (Fig- 
ures 6 and 7) are likely to provide better estimates than the 
experimental values which are calculated by using questknable 
data for Henry's constants. This suggestion is plausible con- 
sidering that the B12 values calculated from the square-well 
potential are essentially within the error bars at each experi- 
mental point. Error bars represent uncertalnty due to all 
causes, especially due to estimated inaccuracy of Henry's 



Journal of Chemical and Engineering Data, Vol. 26, No. 1, I981 78 

N 
ai- 

l N2-Ace?one 
2 N2-Isopropyl Ether 
3 CH4- Acetone 
4 CH4-Isopropyl Ether 

-100 -80 -60 -40 -20 0 20 40 60 Bo 
Temperature, *C 

Flgure 6. Second vlrlal cross-coefficients calculated by Using the 
square-well potential. 

Table VIII. Henry’s Constants From B, ,  as Calculated from the 
Square-Well Potential 

binary T, “C H , ,  , , bar 

carbon dioxide-acetone 40.0 51.1 
25.0 41.9 
10.0 30.9 

carbon dioxide-isopropyl ether 50.0 57.0 
25.0 66.9 
0.0 37.9 

-15.0 32.4 

-13.0 27.5 

constants. I f  more reliable Henry’s constants can be obtained, 
the solubility data presented here may be used for more ac- 
curate calculation of B12. 

Table V I I I  gives those Henry’s constants needed to obtain 
the B12 values predicted by the square-well potential model. 
The Henry’s constants shown for the carbon dioxide-acetone 
system are reasonable. Those for the carbon dioxide-isopropyl 
ether system are of the right order of magnitude but are not 
reliable because Henry’s constant predicted at 25 O C  is larger 
than that at 50 OC. A comparison of these Henry’s constants 
with those in Table I V  gives a measure of the sensitivii of B12 
to the Henry’s constant. Errors in calculated gas-phase solu- 
bilities are not as large as the error estimates in B12 seem to 
indicate provided the same Henry’s constants are used as those 
used in the calculation of B12. Figures 6 and 7 show calculated 
second virial cross-coefficients for the square-well potential. 
For engineering purposes, these are probably the most reliable 
values now available. 

Concluslons 

Experimentally measured gas-phase solubllitles of acetone 
and isopropyl ether in compressed nitrogen, methane, and 
carbon dioxide are reported for the temperature range -50 to 
50 OC and the pressure range 17-63 bar. The accuracy of 
these solubilities is -3%. 

Second virial cross-coeff icients for each binary system are 
estimated and fitted to the potential energy function. The fiis 
are good for the systems containing nitrogen or methane. 
There is less certainty in the results for the carbon dioxide- 
containing binaries. Nevertheless, the second virial cross- 
coefficients reported here may be useful for engineering cab 
culations to determine solvent losses in high-pressure absorp- 

600 625 t -00 -80 -60 -40 -20 0 20 40 60 00 

~omporoturo. ’C 

Flgure 7. Second vlrial cross-coefficlents calculated by us@ the 
square-well potentlal. 

tion operations using acetone or Isopropyl ether as solvents. 
Glossary 
A 
B 
C 
f 

k 
P 
PS 
R 
R 
T 
V 
P 
X 

Y 

H2.1 

z 

Margules constant, cm3 bar/mol 
second virial coefficient, cm3/mol 
constant, eq 15, K 
fugacity, bar 
Henry’s constant for solute 2 In solvent 1, bar 
Boltzmann constant 
total pressure, bar 
vapor pressure, bar 
gas constant 
reduced well width for square-well potential 
absolute temperature, K 
moiar volume, cm3/mol 
partial mohr volume, cm3/mo1 
liquid-phase mole fraction 
gas-phase mole fraction 
compressibility factor 

Greek Letters 
r potential function, J 
Y activity coefficient 
E energy parameter, J 
11 association parameter, Hayden-O‘Connell cmeletkn 
U size parameter, nm 
4 fugacity coefficient 

Subscripts 
i J  components 
1 heavy component 
2 light component 
M mixture 

Superscripts 
L liquid phase 
S saturation 
V vapor phase 
0) infinite dilution 
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Pressure Effects on Conductivity and Ionic Association of Some 
Monovalent Salts in Aprotic Dipolar Solvents 

Paul G. Glugla, Jae H. Byon, and Charles A. Eckert” 

Department of Chemical Engineering, University of Illinois, Urbana, Illinois 6 180 1 

The conductance of LII, LlBr, and NaI In acetonltrlle and 
of tetra-n-butylammonlum lodlde and 
tetra-n-butylammonlum bromMe In acetone and In 
4-methyl-2-pentanone were measured as a function of 
pressure. Data are reported at 25 O C  over a 
concentratlon range of 0.0001-0.03 M and at pressures up 
to 2-3 kbar. Analysis of these data uslng Justlce’s 
modfflcatlon of the Fuoss-Onsager equation ylelds values 
of the l l ~ l n g  conductance and the assoclatkm constants 
as a functlon of pressure. Both the limiting conductance 
values and the assoclatlon constants decrease wRh 
lncreaslng pressure, and from the latter values of the 
volume change on assoclatlon are calculated. 

Introductlon 

High pressure is an extremely powerful tool for the study of 
reaction mechanisms and kinetic solvent effects, by careful 
measurement of variations in the volume of activation ( 1 ,  2). 
In order to make such studies on ionic reactions in dipolar 
aprotic solvents, the degree of dissociation as a function of 
pressure must be well-known, as most often only the dissoci- 
ated ion is kinetically active (3, 4). Conductance measure- 
ments yield both the association constant as well as information 
about the relative solvating ability of solvents for various ions. 
High-pressure determinations yield, as well as the association 
constant, the limiting conductance as a function of pressure, 
and the volume change for ion-pair formation. 

The conductance of NaI, LiI, and LiBr was measured in 
acetonitrile. The conductance of tetra-n-butyiammonium iodide 
(Bu,NI) and tetra-n-butylammonium bromide (Bu4NBr) was 
measured in acetone and in 4-methyl-2-pentanone. These 
combinations of salts and solvents were chosen for use in 
conjunction with a kinetic study of a halide-exchange reaction 
under pressure (5). 

Experlmental Sectlon 

A diagram of the high-pressure conductance cells that were 
used in this study is shown in Figure 1. The main body of each 

cell was Teflon, to resist pressure cycling, but the platinum 
plates were firmly supported in glass to minimize the variation 
in cell constant with pressure. The cells were attached to a 
mercury reservoir, and each contained -40 mL of electrolyte 
and 20 mL of mercury. Two cells were used wlth cell constants 
of -0.05 and 0.5. These cell constants were measured as a 
function of pressure by using the data of Fisher (6) and Fuoss 
(7) for KCI in water. The variation in cell constant to 3 kbar 
was much less than 1 %. 

The pressure system was essentially similar to that used in 
a previous study of this type (8); measured pressures are ac- 
curate to 1 2  bar and temperatures to 10.01 OC. 

The chemicals used in this study were purified according to 
the procedure suggested by Perrin (9). 

Lithium iodide from Mallinckrodt Chemical Works was re- 
crystallized from acetone. The filtered lithium iodide solution 
was evaporated at room temperature under vacuum. The re- 
sidual hydrated crystal was dried at 60 OC under vacuum for 
2 h and then at 120 OC under high vacuum by using the Ab- 
derhalden drying apparatus. 

Lithium bromide from Fisher Scientific Co. was recrystallized 
several times from water and then dried under high vacuum at 
room temperature, followed by drying at 100 ‘C. 

Sodium iodide from Mallinckrodt Chemicals Works (purity 
99.5%) was recrystallized from ethanol and dried for 12 h under 
vacuum at 70 ‘C. 

(Bu),NI was obtained from Eastman Kodak Co. arid was dried 
for 24 h under strong vacuum at room temperature in the 
presence of P,05. Solutions of (Bu),NI were prepared by 
weight and checked by titration with AgN0, solutions. The 
determinations always agreed within 1 % . (Bu),NI solutions 
were shaken with starch solutions, and no color change due to 
I2 was observed. Karl Fisher titrations showed no water. 

(Bu),NBr was obtained from Matheson Coleman and Bell. It 
was dried for 24 h under strong vacuum in the presence of 
P,05. Solutions of (Bu),NBr were prepared by tltratlon with 
AgNO,. Karl Fisher titrations showed no water. 

Acetonitrile was Baker’s analyzed reagent grade and was 
dried by shaking with Linde 4A molecular sieves and then sthed 
with calcium hydride until no further hydrogen was evoked. The 
acetonitrile was then fractionally distilled at a high reflex ratio. 
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