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The solubility of hydrogen sulfide gasinionic liquids (ILs) 1-ethyl-3-methylimidazolium hexafluorophosphate
([emim][PFg]) at temperatures from (333.15 to 363.15) K and 1-ethyl-3-methylimidazolium bis(trifluoro-
methyl)sulfonylimide ([emim][Tf,N]) at temperatures ranging from (303.15 to 353.15) K and pressures up
to about 2.0 M Pawas measured using a volumetric based static apparatus. The solubility data were correlated
using two models: the Krichevsky—Kasarnovsky (KK) equation, and the extended Henry’s law combined
with the Pitzer's virial expansion for the excess Gibbs energy. Henry’s law constants (at zero pressure)
were obtained at different temperatures from the obtained experimental solubility data. Using the
solubility data, the partial molar thermodynamic functions of solution, that is, Gibbs energy, enthalpy,
and entropy were calculated. A comparison showed that the solubility of H,Sin [emim][Tf,N] is greater

than [emim][PFg].

Introduction

Hydrogen sulfide is one of the most abundant sulfur-
containing compounds in natural gas and light and middle
digtillate oil fractions. Because of its undesirable high toxicity
and corrosiveness, hydrogen sulfide must be removed from
industrial gas and oil streams. Currently agueous solutions of
single or binary mixtures of akanolamines such as monoetha-
nolamine (MEA), diethanolamine (DEA), N-methyldiethanol-
amine (MDEA), and di-isopropanolamine (DIPA) are in use
for the removal of H,S and CO, from natural gas as well as
refinery and synthesis gas streams in industry.> The process
involves absorption followed by the chemical reaction of H,S
and CO, with the alkanolamine solution in a plate column at
low temperatures (at about 315 K) and variable pressures (up
to about 7 MPa). There are some disadvantages associated with
the commercial use of these alkanolamine solutions, including:
(2) loss of alkanolamine and transfer of water into the gas stream
during desorption stage, (2) oxidative degradation of alkano-
lamines to form corrosive byproducts,® and (3) arelatively high
heat capacity of the solvent water and also a large enthalpy of
reaction of the acid gases with alkanolamines, which demand
high energy consumption during the desorption stage of the
process.® These drawbacks have attracted the attention of many
active researchers in the field of gas sweetening as well as gas
separation areas toward the use of newly emerged chemical
compounds known as room temperature ionic liquids (RTILs).*
RTILs, aso known as liquid sats, ionic melts, and liquid
electrolytes, are a class of organic compounds comprised of an
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organic cation like quaternary ammonium, imidazolium, and
pyridinium ions and an inorganic or organic anion such as[Cl]~,
[BF4]~, [PFg]~, or [Tf,N]~, which are liquid over an extended
temperature range including ambience (below boiling point of
water).* Because of the existence of Coulombic attraction
between the ions of RTILSs, they have a negligibly small vapor
pressure and high thermal and electrochemical stability.* These
compounds, which were formerly used for specialized electro-
chemical applications, have attained growing attention since
1995 in diverse practical areas as solvent media for reaction
synthesis, supercritical CO, extraction, gas separation, and
purification.* Some people have proposed amine-functionalized
task-specific ionic liquids as an alternative to conventional
alkanolamine solutions for the removal of acid gases (CO, and
H,S) in gas sweetening processes.®

Knowledge about the solubility and the rate of solubility, that
is, diffusion coefficients of gases at various temperatures and
pressures, is an important feature in the evaluation of ionic
liquids (ILs) for usein industrial natural gas treating processes.
Experimental data for the solubility and diffusion of hydrogen
sulfide in ILs are scarce and include the following: (1) The data
reported by Jou and Mather® for the solubility of H,Sin 1-butyl-
3-methylimidazolium hexafluorophosphate ([bmim][PFg]) at
temperatures from (298.15 to 403.15) K and pressures up to
9.6 MPa. They have correlated the experimental solubility data
by the Krichevsky—Kasarnovsky (KK) equation to obtain
Henry’slaw constant and thermodynamic properties of solution
at the studied temperatures and concluded that the ILs are useful
for the bulk removal of the acid gases at high acid gas partial
pressures. (2) Those reported by Pomelli et al.” for the solubility
of H,Sin different [bmim]*-based ILs with different anions and
in a series of bis(trifluoromethyl)sulfonylimide ([Tf,N]7) ILs
with different cationsat T = 298.15K and P = 1.4 MPa. They
used a medium-pressure NMR spectroscopic technique to
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measure the solubility and observed that H,S is stable with no
sign of reaction under the investigated experimental conditions.
Their quantum chemical calculations show that the interaction
energy between H,S and the anion part of the ILsis comparable
in strength to traditional hydrogen bonds and concluded that
this is the main factor responsible for the high solubility of
hydrogen sulfide in ILs. (3) The recently published data of
Heintz et al.® for the solubility of a mixture of No/H,S in an
ammonium-based IL with an approximate chemical formula
from (300 to 500) K and pressures up to 0.23 MPa. Their aim
was to use ILs for the removal of H,S and CO, acid gases from
fuel gas streams and observed that the solubility of H,Sis greater
than that of CO, in the IL studied and proposed that the
ammonium-based IL is an appropriate solvent for the removal
of H,S from syngas streams. (4) The recent vapor—liquid—liquid
equilibrium (VLLE) data of Shifllet and Y okozeki® for H,S/
[bmim][PFe] binary mixtures at temperatures ranging from (273
to 342) K and H,S/CO,/[bmim][PF¢] ternary mixtures at
temperatures of T = (298.15, 323.15, and 348.15) K. They
proposed a generic Redlich—Kwong equation of state (RK E0S)
to model the obtained experimental data and concluded that the
Type V phase behavior predicted by the RK EoS is in good
agreement with their VLLE measurements for CO,/[bmim][PFe]
and H,S/[bmim][PF¢] systems. (5) Finally, the data produced
in our laboratory at temperatures ranging from (303.15 to
353.15) K and pressures up to 1.6 MPa, which include the
solubility of H,S in [bmim]™- and [hmim]*-based ILs with
different anions,*** the solubility and diffusion of H,S and CO,
in 1-(2-hydroxyethyl)-3-methylimidazolium tetrafluoroborate
([hemim][BF4])* and in 1-ethyl-3-methylimidazolium ethyl-
sulfate ([emim][EtSO4]),"® and most recently the solubility of
H,S in [hemim][PFe], [nemim][OTf], and [hemim][Tf,N].** All
of the data obtained have been used to estimate Henry’s law
constants at different temperatures. Overal, it can be concluded
from the experimental data produced in our laboratory that the
solubility of H,Sin a given IL is greater than that of CO, and
the solubility of H,S in ILs follows the same behavior as that
of CO,; namely, their solubilities increase as the number of
—CF3; groups in the anion part of ILs with the same cation
increases. Also, the effect of the anion on the solubility of H,S
is more pronounced than the cation, and the solubility increases
as the akyl chain length attached to the imidazolium cation
increases.

In this work, which is part of an ongoing study on the
solubility behavior of H,S and CO, acid gases, in ILs, our first
aim isto take a step toward completing a data bank for solubility
data and Henry’s law constants for H,S/IL binary mixtures. In
thisway the equilibrium solubility of H,Sinthe ILs[emim][PFg]
at five temperatures from (333.15 to 363.15) K and in
[emim][Tf,N] at six temperatures from (303.15 to 353.15) K at
pressures up to 2.0 MPawas measured. The solubilities determined
were used to estimate zero pressure Henry’s law constants and
partidl molar thermodynamic functions of solution of H,S at
different temperatures. Correlation equations for the obtained
Henry’s law constants with temperature are presented here. The
results obtained are compared with [emim][EtSO,]-*2 and [hemim] *-
based ILs obtained in previous works,*** thus fulfilling our
second aim, that is, to investigate the effect of the presence of
a hydroxyl group attached to the alkyl chain of cation on the
solubility behavior of H,S in ILs. The obtained solubility data
were also correlated by using two models, namely, the KK
equation and the extended Henry's law combined with the

Pitzer's model for electrolytes (Pitzer's model), the former not
taking into account the nonideality of the solute in the liquid
phase.

Experimental Section

Materials. Hydrogen sulfide (c.p. grade 99.95 % min) was
supplied by Roham Gas Company. The IL [emim][PFg] (CAS
Registry No. 155371-19-0) was obtained from Fluka with
nominal purity > 97 %, and [emim][Tf,N] (CAS Registry No.
174899-82-2) was obtained from Merck with a nominal purity
of > 99 %. Both of them were used as purchased without further
purification.

Apparatus and Procedure. The experimental method for gas
solubility measurement has been presented elsewhere in
detail,*°~** and a short description will be given here. In this
technique, known quantities of gaseous solute and degassed
solvent are contacted at a constant temperature inside an
equilibrium cell of known volume. Once the thermodynamic
equilibrium is reached, the pressure above the liquid solution
becomes constant and is directly proportional with the solubility
of the gas in the liquid. The difference between two PVT
measurements is then used to calculate the quantity of solute
present in the liquid solution, niyue: first, on introduction of
the gas from a container of known volume into the equilibrium
cell containing the IL, and second, after thermodynamic
equilibrium is reached (i.e., when autoclave pressure remains
constant and no longer changes with time):

| — _n9
Neoiute = Mrotal Neolute (1)

where nyy s the total number of H,S moles injected from the
gas container into the autoclave and calculated using the
following equation:

Ve o
Niota = RTgC Zi Zf

where V. denotes the volume of the gas container, Z and Z;
are the compressibility factors corresponding to the initial and
final pressures P; and P, respectively, in the gas container prior
to and following gas transfer, R is the universal gas constant,
and Ty is the temperature of the gas container. ng, e in eq 1is
the number of moles of gas solute left in the gas phase and was
determined from the following equation:

n? = E (3)
solute 7ZRT

where Vg is the volume of the gas-phase above IL phase, T is
the equilibrium temperature of the cell, and Z is the compress-
ibility factor of gassolute at P and T. In all experiments, the IL
was dried in vacuo (below 1.0 kPa) before solubility measure-
ments for about 48 h at atemperature of 343 K to remove trace
amounts of moisture and volatile impurities. In the case of
[emim][PF¢], a chloride ion test showed no detectable Cl~ ion
to be present in the IL. Using a Mettler model DL-37 Karl
Fischer volumetric titrator, the water content of I1Ls was found
to be below 100 £+ 10 ppm. The temperature of the double-
wall equilibrium cell, which was connected to a water recircula-
tion bath (PMT Tamson model T 2500) with a temperature
stability within &+ 0.02 K, was measured with a Lutron model
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TM-917 digita thermometer with a 0.01 K resolution using a
Pt-100 sensor inserted into the cell. The equilibrium cell and
the gas container pressures were measured using a Keller model
PA-33X pressure transmitter sensors in the range of (0 to 2)
MPa and (0 to 3) MPa, respectively, which were uncertain to
within 0.01 % of their full scale. The calibration of pressure
sensors was carried out against a pneumatic dead-weight gauge
(DH Budenberg model 550).

The most accurate PVT data presented by National Institute
of Standards and Technology (NIST) for pure compounds®® were
used to calculate compressibility factors, which were needed
for solubility calculations.

Correlation of Experimental Data. Two correlation methods
were applied to the experimental data obtained in this work.
The first method used was the KK equation:*®

fo(T. P) V(P — P
n X—z (Pi)(T) + T (4)

where f(T,P) isthe fugacity of hydrogen sulfide in the gas phase
at temperature T and pressure P, x, isthe mole fraction of solute
in the solvent 1, K + (T) is Henry’'s law constant on mole-
fraction scale of gas sol ute 2 in solvent 1 (at the vapor pressure
of the solvent),” V5 is the partial molar volume of gas solute
2 at infinite dilution, and R is the universal gas constant. In
this case the vapor pressure of the solvent, the IL, is
negligible, and it is reasonable to assume the saturated vapor
pressure P3 is zero. Therefore, f, can be substituted by the
fugacity of pure hydrogen sulfide gas, f3. Equation 4 can then
be rearranged to obtain eq 5

In

£2(T, P)
X

2

KM + ©

Values of K{(T) and V5 at each temperature T can be
obtained from the intercept and slope of plots of In(f¥/xy)
versus P at the specified temperature, respectively.

The second method used was the extended Henry’s law,
which takes into account the nonideality of the solute, H,S, in
the liquid IL phase (Pitzer's model)

Kim(T, P)an(T, my) = f(T, P) (6)

Knm(T,P) is the molality-scale Henry’s constant of the solute
(H2S) in the IL at temperature T and pressure P. a(T,mp) is
the activity of the gas solute in the liquid phase (IL), which is
related to the molality m, of the gas solute and activity
coefficient y, through eq 7:

8 (T.my) = 2y, @)
m

where m° = 1 mol -kg™L. The relation between Kp(T,P) and
Henry’s law constant at zero pressure, Ki%(T), is expressed as'’

— (0) V2P
Kinen(T, P) = KIOH(T) expl| - ®)

The activity coefficient of solute, y», in the IL was calculated
using the Pitzer's viria expansion for the excess Gibbs free
energy (molality-scale):*81°

Iny, =2-— ﬁ2+3( ) B3 )

Here 3, and 33 are the dimensionless parameters describing
binary and ternary interactions between gas molecules in the
solvent, respectively.

The fugacity of pure gas (hydrogen sulfide), f3(T,P), is
the product of the total pressure P and fugacity coefficient
o(T.P)

(T, P) = ¢(T,P)P (10)

In both of the above-mentioned models, the fugacity coef-
ficient was calculated using the most accurate corresponding
states developed by NIST for pure compounds.®® This way
the numerical values of the molar volume of H,S as a function
of pressure at each isotherm (reported by NIST) were first
fitted with afifth-order Padé approximant® with 11 adjustable
parameters. This function can empiricaly describe the
volumetric P—V behavior of H,S with a good degree of
accuracy. In the next step, the fugacity coefficient can be
calculated using the fundamental equation for the fugacity
coefficient of pure fluids,*” that is,

Ing = [ (PVIRT — 1) dP/P

followed by a simple numerical integration. The fugacities
estimated in this way for H,S agreed within 1 % with those
calculated by using the Peng—Robinson EoS? in the pressure
range studied in this work.

The Henry’s law constant on the molality scale, K{9(T), is
related to Henry’'s law constant on the mole fraction scale,

KIUT), by
KEM = KoM 22 (1)

where Mgy is the molar mass of the solvent in g-mol 2.

Results and Discussion

The results of solubility measurement of hydrogen sulfide
in the ILs [emim][PFg] and [emim][Tf,N] are summarized
in Tables 1 and 2 along with their corresponding standard
deviations and are graphically shown in Figures 1 and 2,
respectively. The reliability and accuracy of the method of
measurement have been checked in our previous works, %3
The measurement temperature starts at 333.15 K, which is
about the melting point of [emim][PF¢] claimed by the
supplier (Fluka) and also reported by other researchers.?
However, in the case of [emim][Tf,N], the measurement
temperature starts at 303.15 K. Values of In K[% at each
temperature T were obtained from the intercept of the plots
of In(fyx,) versus P at the specified temperature. The
corresponding mole fraction-scale Henry’s law constants at
zero pressure K% are listed in Table 3 for the solubility of
H,Sin the ILs studied in this work along with their standard
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Table 1. Mole Fraction Solubility of Hydrogen Sulfide Gas, X,, in
[emim][PF¢]

p/MPa X2 p/MPa X2 p/MPa X2

T/K =333.15 T/K =338.15 T/IK = 343.15
0.1449 0.0384+0.001 0.1499 0.037 +£0.001 0.1541 0.036 + 0.001
0.2970 0.0774+0.001 0.3073 0.075+ 0.001 0.3169 0.072 4+ 0.001
0.4830 0.12440.002 0.5001 0.119+ 0.001 0.5160 0.116 =+ 0.001
0.6852 0.17240.002 0.7107 0.166 £+ 0.002 0.7320 0.161 + 0.002
0.9227 0.224 4+ 0.003 0.9566 0.218 + 0.003 0.9901 0.212 + 0.003
1107 0.265+0.003 1.149 0.257+0.003 1.189 0.249 + 0.003
1369 0.318+0.004 1423 0.308+ 0.004 1.474 0.300 + 0.004
1580 0.359+0.005 1644 0.348+0.004 1.705 0.339 + 0.004

T/K =353.15 T/K = 363.15
0.1625 0.033 £0.001 0.1725 0.032 + 0.001
0.3356 0.068 4 0.001 0.3536 0.064 + 0.001
0.5462 0.109 £ 0.001 0.5770 0.102 + 0.002
0.7782 0.152 4 0.002 0.8222 0.143 + 0.002
1.052 0.200+ 0.002 1.112 0.187 + 0.003
1.265 0.236+0.003 1.337 0.223 4+ 0.003
1567 0.285+0.003 1.664 0.270 + 0.004
1.822 0.322+0.004 1.933 0.306 + 0.005

Table 2. Mole Fraction Solubility of Hydrogen Sulfide Gas, X,, in
[emim][Tf.N]

p/MPa Xo p/MPa Xo p/MPa X2

T/K = 303.15 T/K =313.15 T/IK =323.15
0.1077 0.0704+0.001 0.1186 0.065+ 0.001 0.1290 0.059 =+ 0.001
0.2145 0.136 £0.002 0.2365 0.126 4+ 0.001 0.2573 0.118 4 0.002
0.3629 0.221 4 0.003 0.4017 0.205+ 0.002 0.4378 0.190 + 0.003
0.5816 0.330 £ 0.004 0.6445 0.309 & 0.004 0.7063 0.291 4 0.005
0.8115 0.427 4+ 0.005 0.9078 0.407 £+ 0.005 0.9998 0.387 4 0.007
1.025 0.506+0.006 1.152 0.481+0.006 1.274 0.465 =+ 0.008
1244 0567+ 0.006 1.395 0.541+0.006 1.523 0.523 + 0.009
1444 0.609 £+ 0.007 1.628 0.584 + 0.007

T/K =333.15
0.1389 0.056 + 0.001
0.2773 0.108 £ 0.002
0.4730 0.178 4 0.003
0.7659 0.273 £ 0.005
1.087 0.363 £ 0.006

T/K = 343.15
0.1483 0.052 £ 0.001
0.2963 0.101 + 0.002
0.5060 0.167 + 0.004
0.8214 0.258 + 0.006
1169 0.345+ 0.008

T/K = 353.15

0.1569
0.3141
0.5375
0.8745
1.248

0.049 + 0.001
0.095 £ 0.002
0.158 + 0.004
0.243 £ 0.006
0.328 + 0.007

1.391 0.438+0.008 1.499 0.416+ 0.009 1.606
1.686 0.496 + 0.009

0.398 £ 0.009

deviations. The K% values obtained showed a good correla-
tion with temperature (eq 12).

1
InKQ/MPa) = Y A(T/K) (12)

i=—1

The obtained parameters A; of eq 12 are summarized in Table
4. The deviation between experimental and correlated Henry’s
law constants by means of eq 12 is within experimental
uncertainties for K(% given in Table 3. The Henry's law
constants are compared with each other in Figure 3 as a
function of temperature. It can be observed that the solubility
of hydrogen sulfide in the ILs decreases by increasing the
temperature. The curves aso indicate that the solubility of
H,S in the ILs studied in this work is typical of that of
physical solvents,’ therefore obeying the Henry’s law. It can
be observed that the solubility of H,S in [emim][Tf,N] is
about twice that of [emim][PFg]. Also shown in Figure 3 is
the variation of the Henry’s law constants with temperature
for [emim][EtSO,],*® [hemim][BF,],*? [hemim][PFg],** and
[hemim][Tf,N]** studied in previous works. It can be seen
that the solubility of H,S in [emim]*-based ILs is greater
than or comparable to that of [hemim]s with the same anion.
Also, the solubility of H,S in [emim][EtSO,] is the lowest
among the [emim]*- and [hemim]*-based ILs studied until

2.0

P /MPa
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0.0 L N N
0.0 0.1 02 0.3 0.4

X2
Figure 1. Total pressure above solutions of H,S + [emim][PFg]: @, 333.15
K; A, 338.15 K; W, 343.15 K; O, 353.15 K; +, 363.15 K; —, correlation
by Pitzer's model.
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Figure 2. Total pressure above solutions of H,S + [emim][Tf,N]: ¢, 303.15

K; a, 313.15K; W, 323.15K; O, 333.15K; +, 343.15K; -, 353.15 K; —,
correlation by Pitzer's model.

now. Comparison reveals that (see Figure 3) increasing the
alkyl chain length of the cation results in an increase in the
solubility of H,S in the ILs containing the same anion; thus,
the solubility of H,S in [bmim][PFg] and [bmim][Tf,N],
which was studied in previous work,' is slightly but not
much greater than that of [emim][PFs] and [emim][Tf,N],
respectively.

Consideration of the density of pure ILs may provide some
useful cluesto explain the observed trend in solubility. Plots of
molar densities of [emim]s as well as those of [hemim]s against
temperature are presented in Figure 4. The molar density of
[emim][Tf,N]?® is much lower than that of [emim][PFg];?* thus,
as long as the cations are the same, there is more free volume
available in the former case (due to larger size of the anion
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Table 3. Thermodynamic Properties of H,S in [emim][PFg] and
[emim][Tf,N]

T K% AgiGy AgHY AaiS?
K MPa kJ-mol* kJ-mol~* Jemol 1K™t
[emim][PFq]
333.15 3.74 £ 0.03 10.0 —-11.9 —65.9
338.15 3.99 + 0.03 10.4 —-11.8 —65.6
343.15 4.24 + 0.03 10.7 —-11.7 —65.2
353.15 476 £ 0.03 11.3 —-115 —64.6
363.15 529+ 0.04 12.0 —-11.2 —63.9
[emim][Tf,N]
303.15 1.48 + 0.01 6.79 —15.0 —-718
313.15 1.78 +£ 0.01 7.50 —14.4 —69.8
323.15 211+0.01 8.19 —-13.7 —67.9
333.15 245+ 0.01 8.86 —-13.1 —65.9
343.15 2.80+0.01 9.51 —-12.4 —63.9
353.15 3.16 = 0.01 10.1 —-11.7 —62.0

Table 4. Numerical Values of the Parameters of Equations 12, 13,
and 14

A1 Ao A By B; Co Cy
[emim][PFe]
—1872.05 6.5539 —0.00297 4.3408 —0.00879 —0.11904 10.278
[emim][Tf,N]

—2871.63 12.4535 —0.01165 —4395.04 10.169 0.13913 —36.869

[Tf2N]~ with respect to [PFg] ) to accommodate H,S molecules,
which results in the higher solubility of H,S in [emim][Tf,N]
than in [emim][PFg]. It must be emphasized that the density of
[emim][PFg] is estimated from the predictive method devel oped
by Ye and Shreeve,>* and therefore some systematic error may
be present in the estimated values. This same relation between
density and solubility can aso be observed in the case of
[hemim][Tf,N] and [hemim][PFs]. Comparing the densities of
[emim][Tf,N] and [hemim][Tf,N], one can concludein asimilar
way that the solubility of H,S in [emim][Tf,N] is higher than
or comparable to that of [hemim][Tf,N]. The difference in
density can be ascribed to higher cation size in [hemim][Tf,N],
which results from the presence of an additional hydroxyl —OH

N

300 310 320 330 340 350 360 370

T/K

Figure 3. Comparison between Henry's law constants as a function of
temperature for the solubility of H,Sin ILs: @, [hemim][PFg] (ref 14); W,
[hemim][Tf,N] (ref 14); @, [hemim][BF,] (ref 12); <, [emim][PF¢] (this
work); O, [emim][Tf,N] (this work); A, [emim][EtSO,] (ref 13); O,
[bmim][Tf,N] (ref 10).
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Figure 4. Comparison between molar densities as a function temperature
for ILs: @, [hemim][PFe] (ref 14); M, [hemim][Tf,N] (ref 14); @,
[hemim][BF,] (ref 12); <, [emim][PFg] (ref 22); O, [emim][Tf,N] (ref 21);
A, [emim][EtSO,] (ref 13); O, [emim][BF,] (ref 31).

group attached to the ethyl substituent in the imidazolium ring.
In the case of [emim][PFg] and [hemim][PF¢] we can see that
they have comparable densities (within experimental and
computational errors), the solubility of H,S in [emim][PF¢] is
higher or comparable to that of [hemim][PFg], and the solubili-
ties correlate relatively well with densities. However, Figure 4
shows that even though the density of [emim][EtSO,] is higher
than that of [emim][Tf,N] and [hemim][Tf,N] and lower than
the other ILs, the solubility of H,S is the lowest in [emim]-
[EtSO,4] among the [emim]- and [hemim]-based ILs considered.
This observation reveals that the density or entropic consider-
ations alone are not adequate for complete explanation of the
solubility behavior and when the anion does not contain fluorine
atoms or —CF; substituents, energetic parameters must also be
taken into account. From the above-mentioned explanations, it
can also be inferred that the anion plays the most important
role in the solubility behavior of H,S in ILs. This same
conclusion has also been made by Brennecke et a.?> 2" and
Jalili et al.,?® which resulted from their experimental study on
the solubility behavior of CO; in classical imidazolium-based
and [hemim]-based ILs, respectively.

As mentioned in previous section, the obtained solubility data
were also correlated by using the Pitzer's model. The partial
molar volume of gas solute 2 at infinite dilution, Vz, was
considered a linear function of absolute temperature T defined

by eq 13
Vi /em®-mol ™t = B, + B,(T/K) (13)

where V5 is in em®mol™ and T is in K. The obtained
parameters By and B; of eq 13 are tabulated in Table 4.
Parameter 3, was considered as a function of temperature T,
defined by eq 14, and the ternary interaction parameter 33 was
neglected as far as the systems considered in this work were
studied in the medium pressure range (up to 2.0 MPa).
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C,

The fitted parameters C, and C, of eq 14 are presented in Table
4 for each of the systems studied.

The correlations made by the Pitzer's model for the mole
fraction of gas solute, H,S, dissolved in the solvent IL at the
specified temperature and pressure, are shown in Figures 1 and
2 for the two systems investigated in this study. It can be seen
that there is quite good agreement between the Pitzer's cor-
relation and the obtained experimental data of Tables 1 and
2. The average of relative deviations, ARD, defined by eq 15,
and the maximum deviations of correlated mole fractions by
using the Pitzer's model, x3°%, from experimental data, X;,
are summarized in Table 5 for a number of N data points and
compared with those correlated by using the KK eguation.

(15)

Table 5 shows that the Pitzer's model can correlate the
experimental solubility data of H,S in the ILs with higher
accuracy than the KK equation except for [emim][PFg] in which
both of them have comparable correlating accuracy. In the case
of [emim][PF¢], the solubility of H,S is the lowest compared
to the other IL, and thus, the nonideality in the liquid phase is
the lowest. Hence, the KK approach seems to be able to
adequately describe the observed solubility behavior.

It can be shown that the Gibbs energy of solution, corre-
sponding to the change in Gibbs energy when the solute is
transferred at a constant temperature from the pure perfect gas
at the standard pressure to the standard state of infinite dilution
of the solute in the solvent, is given by?°

KO,
Ay Gy =RT |n(Fj) (16)

where P is the standard state pressure. The partia molar
differences in enthalpy and entropy between the two states can
be obtained by calculating the corresponding partial derivatives
of the Gibbs energy with respect to temperature

Ay Gy KO
oo __ 2 8 sol —x _ 2 a h,x
AGHT = —T _BT( o ) = —RT —aT[ln( =

(17)

Ay H, — A G,
ASO|$=( sol” 'x = sol x) (18)

The pressure range considered in this work is not high enough
to cause Henry' s law constant to be a strong function of pressure,
and Henry's law is weakly dependent on pressure under the
specified conditions. X! Therefore, it does not giveriseto large
errors if one ignores this pressure dependency. By means of
this approximation and using egs 16, 17, and 18, we estimated
the mole-fraction scale thermodynamic functions of solution at
infinite dilution for H,S in the IL. It may be worth mentioning
that the relation between mole fraction scale and molality scale

Table 5. Comparison between Average of Relative Deviations (100
ARD) and Maximum Relative Deviations (100 MRD) of the
Calculated from Experimental Mole Fractions by the Two Models
Considered in This Work

Pitzer's model KK equation
IL 100 ARD 100 MRD 100 ARD 100 MRD
[emim][PFg] 0.78 3.0 0.80 3.0
[emim][Tf,N] 0.49 2.3 1.1 52

thermodynamic functions of solution is straightforward, and they
can be transformed to each other by using eqs 19 and 20,

AyGE = Ay G: + RT In(Mg,,/1000) (19)

solu

Asol$:1 = AS)lS(Q - R In(’\/lsolvllooo) (20)

The values for the mole fraction scale Gibbs energy, A« Gy,
enthalpy, AgHx, and entropy A« S, of solution are given in
Table 3 at temperatures between (333.15 and 363.15) K and
(303.15 to 353.15) K for [emim][PFs] and [emim][Tf,N],
respectively. As it can be observed, the A Gy values are
positive and increase with temperature in a similar manner for
the solubility of H,S in ILs, being the highest for H,S/
[emim][PF¢] and the lowest for H,S/[emim][Tf,N]. The AgHyx
values and Ay S; values are negative. The variation with
temperature of the AgHy values and A S; values are positive
for H,S/[emim][PF¢] and H,S/[emim][Tf,N], and they increase
with temperature. A comparison of AgHy values in Table 3
also reveals that the solubility of H,S is more favorable in
[emim][Tf,N] than in [emim][PFe] from an energetic point of
view. This is obvious from the difference between enthalpies
of solution for the two H,S/IL systems, which is about 1200
J-mol ™t at 333.15 K and decreases to 200 J-mol ! at 353.15
K. As long as the cations of the two ILs are the same, the
difference in AgHx shows that the interaction energy between
H,S and [Tf,N]~ is stronger than that of H,S and [PFg] . This
conclusion has previously been made by Pomelli et a.” by
performing quantum chemical calculations. It can be inferred
by comparing A« 'S¢ values for the two H,S/IL pairs that the
solubility of H,S is a bit more favorable in [emim][PFg] than
in [emim][Tf,N] from an entropic point of view. This observa-
tion can be explained on the basis of the fact that the interaction
energy between [emim]™ cation and [PF¢]~ anion is stronger
than that of [emim]™ and [Tf,N]~ (the melting point of
[emim][PF¢] is much greater than that of [emim][Tf,N]). Thus,
there exists a more ordered structure in [emim][PFg] than in
[emim][Tf,N], which gives rise to the observed trend in A St
values.

Conclusion

New experimental data for the solubility and thermodynamic
functions of solution of hydrogen sulfide gasin ILs 1-ethyl-3-
imidazolium containing anions hexafluorophosphate and bis-
(trifluoromethylsulfonyl)imide not previously reported in the
literature have been measured and presented in this work. The
solubility of H,S is the highest in [emim][Tf,N] and the lowest
in [emim][PFg]. The solubility of H,Sin the ILs studied in this
work is of aphysical nature. The solubility of hydrogen sulfide
in [emim]-based ILsis greater than or comparable to [hemim]-
based ILs with the same anion. The solubility data can best be
correlated by means of an equation composed of the extended
Henry’s law and Pitzer’ s virial expansion for the excess Gibbs
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free energy, that is, by a model, which takes into account the
nonideality of solute in the liquid phase. It has been shown that
the anion compartment has more profound effect on the
solubility behavior of H,S than the cation in imidazolium-based
ILs.
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