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Solubilities of hydrogen and nitrogen in methanol, ethanol, 
n-propanol, isopropanol, n-butanol, and n-hexane were 
measured at atmospheric pressure and temperatures of 25, 
0, -20, -40, and -60 OC, except for the hydrogen- 
Isopropanol system. Differences in the partial molar excess 
entropies of the gases ( R )  in alcohols ( A )  and those in n- 
hexane ( B )  s:A - s&, calculated from the experimental 
solubility data, were within the values of -2.4 and -3.7 
cal/mol*K. 

Solubilities of gases in liquids are fundamental properties 
for designs of gas absorption and stripping columns in chemi- 
cal industries. In addition, solubility results over a wide range 
of temperature are useful in studying the solution properties. 
The entropies of solution of a gas in alcohols have been 
known to be smaller than those in nonpolar solvents (5). 
However, there have been few data of gas solubilities in al- 
cohols over a wide range of temperature. In this experiment, 
solubility measurements of hydrogen and nitrogen in aliphatic 
alcohols at temperatures of 25, 0, -20, -40, and -60 OC 
have been performed. Solubility data in n-hexane have also 
been obtained as reference solubilities in an inert solvent. 
The experimental entropies of solution of a gas are calculat- 
ed from the temperature dependence of experimental solubil- 
ities. 

Apparatus and Procedure 

The solubility apparatus and procedures were the same as 
previously described (9), which were similar to those of Hori- 
uti (4 ) .  The dissolution vessels used in this experiment were 
80 cc for nitrogen solubility measurements and 150 cc for 
hydrogen. The gas buret was maintained at 25 OC in an air 
thermostat, and the dissolution vessel was immersed in a 
water bath or an n-heptane Dewar flask (at lower tempera- 
tures than 0 "C). The solubility measurements at atmospheric 
pressure were performed continuously by lowering the tem- 
perature of the dissolution vessel thermostat as 25, 0, -20, 
-40, and -60 OC. The thermostat was regulated within 0.05 
OC except at -60 O C  where it was within 0.12 OC. 

Temperature determination was made by means of a 
thermistor thermometer, which was calibrated with the subli- 
mation point of dry ice (-78.5 "C), the melting point of mer- 
cury (-38.87 "C), the triple point of ice (0.01 OC),  and ther- 
mostat temperatures of 25 and 50 OC determined by a Toshi- 
ba reference thermometer. 

Materials 

The alcohols were guaranteed reagents from Nakarai 
Chemicals Ltd. Methanol, ethanol, and isopropanol were used 

without further purification, but n-propanol and n-butanol 
were fractionated in a laboratory column. Their purity was 
considered to be higher than 99.9% for each alcohol by 
measurements of densities and refractive indices and by gas 
chromatographic analyses. Merck Uvasol spectral-grade 
chemical was used for n-hexane without further purification. 

Nitrogen gas was super-pure grade of 99.9995% obtained 
from Osaka Oxygen Co. Ltd., and hydrogen gas was research 
grade of 99.99 % from Takachiho Chemical Industry Co. Ltd. 
The gases were used without further purification. 

Solubility Expression and Physicochemical Property 

coefficient L and Henry's constant Has follows: 
The solubility was expressed in two ways: the Ostwald 

L = c;/c," (1) 

H = PR/XR (2) 

No correction for vapor-phase nonideality was made. Be- 
cause the experimental pressure was low and XR << l ,  the 
partial pressure p~ was evaluated by means of Raoult's law 
as: 

(3) 

A small increase of liquid volume due to gas absorption was 
evaluated from the average values of the coefficients of dila- 
tation, determined by Horiuti ( 4 ) :  0.0022 for nitrogen and 
0.0016 for hydrogen. 

The evaluation of L and H necessitates the data of vapor 
pressure and density of pure solvents at the experimental 
temperatures. Vapor-pressure data were taken from Timmer- 
mans' tables (70). Density data at 25 OC were also taken 
from Timmermans, and those at lower temperatures were 
measured in this experiment by means of similar devices to 
those of Horiuti ( 4 ) .  Density values determined are recorded 
in Table I. 

Solubility Data 

Solubility data of hydrogen and nitrogen obtained in this 
experiment are summarized in Tables I1 and I l l ,  respectively. 
Solubility measurements were made several times for each 
system, and reproducibility was within f l  % for nitrogen and 
within f1.5% for hydrogen. Table IV shows comparisons be- 
tween experimental and literature solubilities for each sys- 
tem. Agreements within 2% were obtained except for the 
two cases, hydrogen-n-hexane and nitrogen-n-butanol sys- 
tems. Figures 1 and 2 show the plots of Henry's constant H 
against the absolute temperature T. Experimental points of 
hydrogen gas are nearly on straight lines for each solvent, 
but those of nitrogen are on curves, slightly upward convex, 

Table I .  Densities of Alcohols and n-Hexane, g/cc - 
n-Hexane 

25 0.786540 0.7 8 50 80 0.79 9850 0.78 0 8 70 0.805670 0.654810 
0 0.8099 0.8063 0.8 193 0.80 13 0.8243 0.6771 

-2 0 0.8284 0.8232 0.8347 0.8174 0.8390 0.6943 
-4 0 0.8472 0.8402 0.8503 0.8340 0.8539 0.7113 
-60 0.8663 0.8575 0.866 1 0.8476 0.8692 0.7282 

Temp, " C  MeOH EtOH n-PrOH i-PrOH n-BuOH 

a Literature value taken from Timrnermans' tables ( I O ) .  
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Table II. Experimental Data of Hydrogen Solubility in 
Aliphatic Alcohols and in n-Hexane 

3.4 
X 
0 
0 3.2 
d 

3.0 

2.8 

H.  atrn Temp."C L . -  H.  atm L. - 

L 
EtOH --cK) 

- Zn-ROH; " n e  q -  

rr A m rn 
"iso-PrOH, n-BuOH 

v 

- 
- Vgasj 
- 
--- - 

n - H e x a n e  

I I l i l l l l I  

Methanol Ethanol 
25 0.0975 6160 0.0852 4900 

0 0.0797 71 10 0.0696 5640 
-2 0 0.0675 7960 0.0580 6400 
-40 0.0557 9090 0.0480 7270 
-60 0.0442 10710 0.0372 8750 

25 
0 

-2 0 
-40 
-60 

25 
0 

-2 0 
-40 
-60 

n-Propanol n-Butanol 
0.0763 4270 0.0709 3750 
0.0615 4970 0.0577 4320 
0.0520 5550 0.0493 4770 
0.0426 6360 0.0398 5530 
0.0336 7510 0.0324 6340 

n-Hexane 
0.130 1430 
0.105 1670 
0.0873 1920 
0.0710 2230 
0.0550 2690 

Table Ill. Experimental Data of Nitrogen Solubility in 
Aliphatic Alcohols and in n-Hexane 
TemD."C L . -  H ,  atm L , -  H ,  atm 

25 
0 

-2 0 
-40 
-60 

25 
0 

-2 0 
-4 0 
-6 0 

25 
0 

-2 0 
-4 0 
-60 

Methanol 
0.164 3660 
0.152 3720 
0.145 3700 
0.139 3640 
0.134 3520 

n-Propanol 
0.131 2490 
0.121 2520 
0.115 2500 
0.111 2450 
0.107 2360 

n-Butanol 
0.123 2170 
0.1 14 2190 
0.107 2200 
0.101 2180 
0.0954 2150 

Ethanol 
0.149 2800 
0.138 2840 
0.131 2830 
0.125 2800 
0.121 2700 

i- Pro pa n o I 
0.147 2170 
0.135 2210 
0.128 2210 
0.121 2190 
0.1 18 2090 

n-Hexane 
0.256 727 
0.235 749 
0.2 19 764 
0.206 766 
0.195 758 

having each maximum point in the experimental temperature 
region. 

Experimental Excess Entropy of Solution 

Consider two mixtures of solute R (gas component) - sol- 
veht A (alcohol) and the same solute R - solvent 8 (nonpolar 
substance, n-hexane). The difference of the logarithmic Hen- 
ry's constants In HR,A - In HR,= is interrelated to the differ- 
ences of the partial molar excess enthalpies i k A  - i& and 
entropies .3kA - .S& in thermodynamics as 

Plots of the experimental values of In HR,A - In HR,B against 
1 / T  are linear for each alcohol (R = hydrogen or nitrogen). 
Table V shows the experimental differences of the partial 
molar excess entropies s& - S,& calculated from the inter- 
cepts. They are negative values in the range of -2.4 to -3.7 
cal/mol.K, and the absolute values decrease in order of 
methanol > ethanol > n-propanol > isopropanol N n-buta- 
nol. This order is corresponding to that of the decrease of 
self-association strengths. 

Table IV. Comparison Between Experimental and 
Literature Values of Gas Solubilities, Ostwald 
Coefficient L 

Temp, This 
Gas Liquid " C  work Li t  

N, n-Hexane 25 0.256 0.261 (2) 0.232 ( 3 )  
N, Methanol 25 0.164 0.1645 (6) 0.167 ( I )  

0 0.152 0.1532 (6) 
N, Ethanol 25 0.149 0.1489 (6) 0.149 ( I )  

0 0.138 0.1391 (6) 
N ,  n-Propanol 25 0.131 0.132 (2) 0.133 ( I )  
N, i-Propanol 25 0.147 0.1465 (6) 

0 0.135 0.1353 (6) 
N, n-Butanol 25 0.123 0.1225 (6) 

0 0.114 0.1075 (6) 
H, n-Hexane 0 0.105 0.0926 (11) 
H2 Ethanol 25 0.0852 0.0856 (8) 

4.21 4.0 

X 3 4  

d 3.61 
!- " 1  3.2 

3.0 
2.30 2.34 2.38 2.42 2.46 2.50 

log T 
Figure 1. Experimental Henry's constants of hydrogen against abso- 
lute temperature 

1 3 - 6 1  MeOH, - 
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Table V. Difference of Partial Molar Excess Entropies of 
Gas in Alcohols and in n-Hexane 

Alcohol Hvdroqen Nitrouen 

MeOH -3.28 -3.66 
EtOH -2.78 -3.03 
n-PrOH -2.50 -2.93 
i-PrOH . . .  -2.54 
n-BuOH -2.4 1 -2.54 

As Henry's constant is interrelated to the activity coeffi- 
cient of solute, the theoretical expression for S[A - S& is 
given by means of suitable activity coefficient equations. 
Qualitative explanation of experimental values for SgA - SgB 
is obtained when the Kretschmer-Wiebe equation (7) is as- 
sumed for component A and the Flory-Huggins equation with 
the Scatchard-Hildebrand equation for component 6. 
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Nomenclature 

C = molar concentration, mol/cc 
H = Henry's constant, atm 
h = partial molar enthalpy, cal/mol 
L = Ostwald coefficient, - 
P = total pressure, atm 

p = partial pressure, atm 
R = gas constant, caVmo1.K 
s = partial molar entropy, caVmo1-K 
T = absolute temperature, K 
x = mole fraction, - 

Subscripts 

A = alcohol 
6 = inert solvent (n-hexane) 
R = gas component (H2 or N2) 
R, a = refer to R in binary mixture of Rand a 

Superscripts 

E = excess quantity 
G = gas phase 
L = liquid phase 
s = quantity at saturation 

Llterature Cited 

(1) Boyer, F. L., Bircher, L. J., J. Phys. Chem., 64, 1330 (1960). 
(2) Gjaldbaek, J. C.. Niemann, H.. Acta Chem. Scand., 12, 1015 (1958). 
(3) Guerry, D., PhD thesis, Vanderbilt Univ.. Nashville, Tenn., 1944. 
(4) Horiuti, J., Sci. Pap. Inst. Phys. Chem. Res. Tokyo, 17, 125 (1931). 
(5) Katayama, T., Mori, T., Nitta, T.. KagakuKogaku, 31, 559 (1967). 
(6) Kretschmer, C. B.. Nowakowska, J.. Wiebe, R., Ind. fng. Chem., 38, 

(7) Kretschmer, C. E., Wiebe, R., J. Chem. Phys., 22, 1697 (1954). 
(8) Maxted, E. B., Moon, C. H., Trans. Faraday SOC., 32, 769 (1936). 
(9) Nitta, T., Tatsuishi, A.. Katayama, T., J. Chem. fng. Jpn., 6, 475 (1973). 

(10) Timmermans, J.. "Physico-Chemical Constants of Pure Organic Com- 

(11) Waters, J. A., Mortimer, G. A., Clements, H. E., J. Chem. fng. Data, 15, 

Received for review May 19, 1975. Accepted September 29, 1975. 

506 (1946). 

pounds", Elsevier, New York, N.Y., 1950, 1965. 

174 (1970). 

Isothermal Liquid-Vapor Equilibria for System Methanol-Water 

M. L. McGlashan 
Department of Chemistry, University College, London, England 

A. G. Williamson" 
Department of Chemical Engineering, University of Canterbury, Christchurch, New Zealand 

Gibbs free energies of mixing of methanol-water mixtures 
in the range of 35-65 OC and densities of the mixtures at 25 
OC are measured. The enthalpies and free energies of 
mixing are thermodynamically consistent within the limits 
to which the gas imperfections are known. Earlier liquid- 
vapor equilibrium measurements are reanalyzed, using only 
total pressure and liquid composition data, and with 
corrections for gas imperfections. Of the previously 
reported free energies of mixing, only the single set of 
transpiration measurements at 25 OC by Butler et at. is to 
any degree consistent with our data. 

The recent renewal of interest in alcohol-water systems 
prompts us to report measurements of free energies of mix- 
ing at 35, 50, and 65 OC and densities of mixtures at 25 'C, 
which we have hitherto hesitated to publish for lack of a de- 
tailed theoretical interpretation. Although there are some re- 

cent isobaric studies at atmospheric pressure (8, 74, 75), 
there have been few new isothermal data (4, 22) reported in 
the past few years. 

A precise evaluation of the free energy of mixing from 
vapor-pressure data requires a knowledge of the gas imper- 
fections of both the pure components and of their mixtures. 
Second virial coefficients are known fairly precisely for water 
(9a), imprecisely for methanol (76, 77) ,  and not at all for their 
mixtures. It is frequently assumed (73) that the cross term, 
BI2 .  is given by the arithmetic mean of the virial coefficients 
of the pure components. Such an approximation is, however, 
highly suspect for mixtures with strong interactions between 
the components. An alternative approach is to assume that 
the vapor pressures and phase compositions are consistent 
with the Gibbs-Duhem equation, which allows an estimate of 
612 to be made ( 79). Both approaches are considered here. 

Thermodynamic consistency between enthalpy and free 
energy measurements has often been tested by estimating 
the heat of mixing from the temperature coefficient of the 
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