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ABSTRACT: New experimental results are presented for the solubility
of carbon dioxide in pure liquid N,N-dimethylmethanamide {= N,N-
dimethylformamide, (CH;),NC(H)O, DMF} and in solvent mixtures of
(water + DMF) at gas-free solvent mixture DMF mole fractions of about
(0.05, 0.1, 0.25, 0.5, 0.75, and 0.9), temperatures of (314, 354, and 395) K,
and total pressures up to about 10 MPa. Numerical values are reported
for the (molality scale based) Henry's constant of CO, in DMF and in
(water + DMF) liquid mixtures resulting from the new experimental data
by applying a common extrapolation procedure. The experimental work
is to provide a database for developing and testing thermodynamic
models to describe the gas solubility in salt-free and salt-containing mixed
aqueous solvents, as well as to test screening methods based, for example,
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B INTRODUCTION

Accurate experimental data for the solubility of gases in pure
solvents and solvents mixtures are required for many appli-
cations in the chemical, pharmaceutical, and oil-related indus-
tries as well as for the development of correlations and
prediction methods in molecular thermodynamics. The present
publication extends previous reports of the principal inves-
tigator's group on experimental and modeling work on the
physical as well as on the chemical solubility of single gases and
binary gas mixtures in pure solvents as well as in solvent
mixtures that have been measured over a period of nearly
25 years.l_66

The present work deals with the physical solubility of a single
gas in binary solutions of water and an organic solvent. Hereby,
the whole range of solvent compositions—from pure water to
the pure organic solvent—is covered.

In the first part, new experimental results are reported for the
solubility of carbon dioxide in pure N,N-dimethylmethanamide
(also known as N,N-dimethylformamide and commonly
abbreviated by DMF) as well as in six aqueous mixtures of
DMF (mole fraction of DMF = 0.05, 0.1, 0.25, 0.5, 0.75, and
0.9) at three temperatures (314 K, 354 K, and 395 K) at
pressures up to 10 MPa. The experimental results are used to
determine Henry's constant for the solubility of carbon dioxide
in those solvents. In the second part, the new experimental gas
solubility data are correlated, applying a thermodynamic model
that allows for an accurate description of gas solubility in binary
mixed solvent systems covering all solvent compositions.®” So
far, this model has been successfully tested to describe the solu-
bility of carbon dioxide in aqueous solutions of methanol,**%’
acetone,*”®” or the ionic liquid 1-n-butyl-3-methylimidazolium
methylsulfate ([bmim] [CH3SO4])66 and to describe the
solubility of ammonia in aqueous solutions of methanol.>**'
Furthermore, the influence of a single strong electrolyte (NaCl
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and Na,SO,) on the solubility of CO, in aqueous solutions of
methanol®**~% a5 well as on the solubility of NH, in
aqueous solutions of methanol®® has been favorably described
by that model. To enable easier access to the present work the
descriptions of the experimental procedures and data evaluation
as well as on the correlation procedures from previous publi-
cations on related topics**~>" are adapted and extended.

Bl APPARATUS AND MEASURING TECHNIQUE

Details of the equipment used to measure the solubility of a gas
in a given solvent as well as on the experimental procedure
applied have been reported before.%*>**7° Therefore, only a
few characteristics are summarized here. The procedure of the
experimental arrangement follows the synthetic technique for gas
solubility measurements,”" that is, in an experiment the pressure
is determined which is required to dissolve at a constant and
preset temperature an accurately known amount of a gas in an
also accurately known amount of a solvent. The center of the
arrangement is a thermostatted cylindrical high-pressure view
cell (material = stainless steel; volume = about 30 cm®) with
sapphire windows on both ends. The amount of CO, charged
to the cell is determined volumetrically (gravimetrically) when
that amount is below (above) about 1.3 g The amount of
solvent is always determined volumetrically. When the amount
of CO, is determined volumetrically, the gas is always charged
first; that is, it is filled into the previously evacuated cell, and the
amount of CO, is calculated (applying an appropriate equation
of state’”) from the volume of the cell and readings of
temperature and pressure in the loaded cell. The volume of the
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cell was accurately determined at a fixed temperature by means
of a high precision displacement pump (Ruska Instrument
Corporation, Houston, TX, type 2241). Corrections are applied
to account for the small thermal expansion when measurements
are taken at other temperatures. At any temperature, the
volume of the cell is known to within + 0.1 %. The temperature
is determined by calibrated platinum resistance thermometers
with an uncertainty of less than 0.1 K. The pressure is
determined with two calibrated pressure transducers suitable
for pressures ranging up to (0.6 and 2.5) MPa, with an
uncertainty of less than 0.1 % of the full scale reading. The
volumetric filling was applied when the amount of CO, that
was charged to the cell was between about (0.2 and 1.3) g. The
corresponding relative uncertainty for the amount of CO, is
about 0.3 %. There were two different procedures for charging
the cell gravimetrically with CO,. When the amount of CO,
was below about 4 g, the evacuated cell was charged from a
small condenser cylinder, and the amount of CO, was
determined by weighing that condenser before and after the
filling procedure on a high precision balance. When the amount
of CO, was above about 4 g (at maximum it was about 15 g for
the experiments with pure DMF at 314 K) the evacuated cell
was at first partly filled with the solvent before CO, was
charged from the condenser. In all such gravimetrical charges
the absolute uncertainty of the mass of CO, charged to the cell
is + 0.012 g. The solvent is always charged via a calibrated high
pressure spindle press. The volume change in that spindle press
is determined from readings for the displacement of the piston,
the diameter of the piston, and the density of the solvent: the
density of the solvent was determined with a vibrating tube
densimeter (Anton Paar GmbH, Graz, Austria). The relative
uncertainty of the amount of solvent is about + 0.2 %.

The amount of solvent charged to the cell was always slightly
above the minimum amount required to dissolve the gas
completely. When the filling was complete, the liquid mixture
was stirred by a magnetic stirrer that is driven from the outside
to achieve equilibration. Then the pressure in the cell was
decreased in small steps by withdrawing tiny amounts of the
liquid mixture from the cell back into the spindle press until the
first small stable bubbles appear. The pressure then attained is
the equilibrium pressure to dissolve the charged amount of the
gas in the remaining amount of solvent at the particular fixed
temperature. As the liquid mixture is almost incompressible, the
amount of that mixture and in particular the amount of dis-
solved gas, which are withdrawn from the cell to decrease the
pressure, are negligibly small.

The solubility pressure was measured with two electronic
pressure transducers (from WIKA GmbH, Klingenberg, Germany)
suitable for differential pressures up to (4 and 10) MPa, re-
spectively, in connection with a mercury barometer (for
measuring the atmospheric pressure). Before and after each
series of measurements, the transducers were calibrated against
a high precision pressure gauge (Desgranges & Huot,
Aubervilliers, France). The maximum systematic uncertainty
in the solubility pressure measurement results from the uncerta-
inty of the pressure transducers (0.1 % of the transducer’s full
scale) and an additional contribution of about + 0.01 MPa
caused by a small temperature drift in the isolated tubes filled
with the solvent, which connect the cell with the pressure
transducers. That temperature drift contribution was deter-
mined in test runs.

Substances and Sample Pretreatment. Carbon dioxide
(mole fraction > 0.99995, from Messer-Griesheim GmbH,
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Ludwigshafen, Germany) was used without further purification.
DMF (mass fraction > 0.999, from Merck, GmbH, Darmstadt,
Germany) was degassed under vacuum. Deionized water was
degassed by vacuum distillation. The solvent mixtures (about 1 kg)
were gravimetrically prepared. The uncertainty of the balance
was smaller than + 04 g.

B EXPERIMENTAL RESULTS

The solubility of carbon dioxide (1) in mixtures of water (2)
and DMF (3) was measured at DMF mole fractions of the gas-
free solvent mixture (x;) of about (0.0S, 0.1, 0.25, 0.5, 0.75, 0.9,
and 1), at temperatures T =~ (314, 354, and 395) K, and total
pressures p up to about 10 MPa. The results are given in Table 1

Table 1. Solubility of Carbon Dioxide (1) in DMF (3)*

T m; p v/

K mol-kg™! MPa dm’ kg™
313.75 0.216 + 0.001 0.141 + 0.014 1.1141
313.75 1.65 + 0.01 0.953 + 0.014 1.1687
313.75 3.34 £ 0.01 1.78 + 0.01 1.2431
313.75 527 + 0.02 2.65 + 0.01 1.3282
313.85 7.21 + 0.03 3.31 £ 0.01 1.4152
313.15 10.90 + 0.03 4.19 £+ 0.02 1.572§
313.75 13.90 + 0.03 4.86 + 0.02 1.7204
313.80 17.80 + 0.04 544 + 0.02 1.9067
313.80 23.30 + 0.06 6.05 + 0.02 2.1769
313.75 31.00 + 0.08 6.59 + 0.02 2.5613
354.45 0.959 + 0.005 1.02 + 0.01 1.1948
354.40 240 + 0.01 2.37 + 0.01 1.2582
354.35 3.59 £ 0.01 342 + 0.01 1.3147
354.35 5.04 + 0.02 4.52 + 0.02 1.3787
354.40 6.51 + 0.03 5.45 + 0.02 1.4462
354.35 8.31 + 0.03 6.47 + 0.02 1.5487
354.45 9.96 + 0.04 7.30 £ 0.02 1.6284
354.40 12.00 + 0.03 8.09 + 0.02 1.7368
354.35 14.80 + 0.04 9.13 + 0.02 1.8846
394.95 0.578 + 0.003 0.956 + 0.014 1.2227
395.00 147 + 0.01 228 + 0.01 1.2639
394.95 1.93 + 0.01 3.03 + 0.01 1.2886
395.00 2.77 + 0.01 4.14 + 0.02 1.3314
395.00 3.49 + 0.02 4.99 + 0.02 13713
394.95 3.86 + 0.02 542 + 0.02 1.387S
395.00 4.58 + 0.02 6.23 + 0.02 1.4721
395.10 5.73 + 0.02 7.30 + 0.02 1.4978
39S5.18 6.66 + 0.02 8.22 + 0.02 1.5360
394.95 7.70 + 0.03 9.17 + 0.02 1.5969

“Uncertainty AT = + 0.10 K. m, is the molality of CO, in the liquid
phase (that is, the amount of substance of the gas per kilogram of
DMF). V/n, is the ratio of the cell volume to the mass of the gas-free
solvent in the cell.

(for CO, in DMF) and in Tables 2 to 4 (for CO, in aqueous
solutions of DMF). The gas solubility is expressed in terms of
molality (m,), that is, the amount of substance (the number of
moles) of the gas per kilogram of (gas-free) solvent. Furthermore
the ratio of cell volume V to the mass 1 of the gas-free solvent
which was determined as a side-product is also given in those
tables. The total pressure above some of those solutions is
plotted against the molality of carbon dioxide in Figure 1.

As shown in that figure, a purely physical gas solubility
behavior is observed. For “small amounts” of the gas in the
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Figure 1. Experimental results for the total pressure p above solutions
of CO, (1) + H,0 (2) + DMF (3) plotted against the molality of CO,
in the liquid phase (that is, the amount of substance of the gas per
kilogram of solvent mixture H,O + DMF): @, T ~ 314 K; O, T = 354
K; W, T = 395 K. The mole fraction of DMF «'; in the gas-free solvent
is &’y & 0.0S (top), '’y & 0.5 (middle), and «’; = 1 (down).

liquid, and according to Henry's law, the solubility pressure
practically linearly increases with increasing amount of dis-
solved gas. For “higher amounts” of the gas in the liquid, that
linearity turns into a more or less pronounced curvature which
is due to the influence of pressure on Henry's law constant
(of CO, in the solvents) and to the physical interactions
between the gas molecules in the liquid mixture as well as in the
vapor phase.

As expected, the solubility of carbon dioxide is much higher
in DMF and in the DMF-rich aqueous solutions than it is in
water. For example, at T = 354 K and p = 4 MPa, about m; =
(0.57, 0.66, 1.1, 2.2, 3.4, 44, and 4.5) moles of CO, are
dissolved in 1 kg of the solvent with a composition of x; =
(0.0, 0.1, 0.25, 0.5, 0.75, 0.9, and 1), respectively. In addition,
and throughout the range of solvent mixture composition, the
solubility of carbon dioxide (on the molality scale) decreases
with rising temperature. For example, at p = 4 MPa and x’; =
(0.05, 0.1, 0.25, 0.5, 0.75, 0.9, and 1), m, ~ (0.87, 0.95, 1.5, 3.6,
6.7, 8.7, and 10) mol-kg™" at T = 314 K and m, ~ (0.45, 0.56,
0.93, 1.6, 2.2, 2.5, and 2.7) mol'kg™' at T = 395 K.
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B COMPARISON OF EXPERIMENTAL RESULTS WITH
LITERATURE DATA

Experimental results for the solubility of CO, in DMF have
been published by Melzer et al.** (at temperatures between
(213 and 298) K), Schlichting® (at temperatures between (293
and 338) K), Chang et al.** (at (291, 301, and 310) K), Duran-
Valencia et al.*’ (at (294, 313, and 338) K), Byun et al.”® (at
(318, 338, 358, 378, and 398) K), and Liu et al." (at (323, 323,
333, 343, and 353) K).

A comparison between the results of Chang et al. (for 310 K),
Duran-Valencia et al. (for 313.05 K), and the present work (for
313.8 K) is shown in Figure 2. The experimental results by
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Figure 2. Experimental results for the solubility of CO, in DMF: O,

Chang et al. * for T = 310.1 K; O, Duran-Valencia et al.® for T =
313.05 K; @, this work for T =~ 314 K.

Duran-Valencia et al. nicely agree with the experimental results
of the present work. The differences in the solubility pressure
are typically about 3 %, but there is a systematic deviation as at
low (high) pressures the experimental results of Duran-Valencia
et al. for the solubility pressure are systematically below
(above) the results of the current investigation. A comparison
between the correlation results of the present work and the
experimental results of Duran-Valencia et al.*’ (at 294 and 338 K)
is given below. The experimental results for the solubility
pressure reported by Chang et al. (for 310 K) agree with the
results of the current investigation within experimental un-
certainty only at pressures above S MPa (mco, > 15 molkg™).
At those high pressures the liquid phase contains a large
amount of CO, (for example, at mc, & 30 mol-kg™" the mole
fraction of CO, in the liquid mixture of (DMF + CO,)
amounts to nearly 0.7). At lower pressures the experimental
results reported by Chang et al. for the total pressure surmount
the new experimental results. The largest relative deviations
(relative deviations of more than SO %) are observed around
mco, & (2 to 4) molkg™". This observation might be explained
by the presence of another gas in the measurements by Chang
et al. That gas should be sparsely soluble in DMF but well
soluble in liquid CO,. That assumption is also supported by the
comparisons described below for Henry's constant (from Melzer
et al*?) and the volumetric properties from Chang et al.**

The phase equilibrium investigations by Byun at al.”® as well
as by Liu et al.”" are restricted to liquid mixtures with rather
high mole fractions of CO, (xco, > 0.2). Therefore, there is
only a small range of overlapping with the results of the present
investigation. As a typical example, Figure 3 shows the experi-
mental results for the solubility pressure by Byun et al. (for 358 K)
as well as by Liu et al. (for 353 K) in comparison with the

dx.doi.org/10.1021/je300105q | J. Chem. Eng. Data 2012, 57, 1249—1266
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Figure 3. Experimental results for the solubility of CO, in DMF: O,
Liu et al.”" for T =353 K; O, Byun et al.?® for T = 358 K; @, this work
for T = 354 K.

experimental results of the present investigation (for 354 K).
The results reported by Liu et al.”" agree with the results of the
present investigation within about 4 %, whereas the experi-
mental results for the solubility pressure reported by Byun
et al.”® systematically deviate from the results from both other
investigations. The deviations from the results of the present
work increase with a decreasing concentration of CO, to 32 %
at xco, = 0.21. Calculations with the model described below
showed that such a large deviation cannot be caused by the
difference in temperature (ie., 4 K) between both
investigations. At lower temperatures the deviations between
the experimental results reported by Byun et al. (for 318 K)
and those of the present investigation (for 314 K) are larger
(max. deviation about S0 %), whereas at higher temperatures,
(395 and 398) K, the deviations are smaller (maximum devia-
tion about 5 %).

Melzer et al.** also reported experimental results for the
solubility of carbon dioxide in aqueous solutions of DMF at x';
> 0.5, but they reported only Henry constants. Their results are
compared with the results of the present investigation below.

~
~

B EVALUATION OF HENRY'S CONSTANT OF CO, IN
DMF AND IN AQUEOUS SOLUTIONS OF DMF

The (molality scale based) zero-pressure Henry's constant of
CO, in liquid DMF as well as in aqueous solutions of DMF
kﬁ’goys(T, x';) was determined from the well-known extrap-
olation procedure (at constant temperature and solvent
composition):

Ko, (T, %3) = lim AT 2y
Ry p—o| (my/m°) (1)
where m° is the unit of molality (m° = 1 mol-kg™') and:
AT, p,3) = ypd (T, p, 3) 2)

f1 and @, are the fugacity and the fugacity coefficient of carbon
dioxide, respectively, and y; is the mole fraction of component j
(j =1, 2, 3) in the vapor.

To evaluate the fugacity of carbon dioxide in the vapor phase
above the liquid mixtures of (CO, + H,O + DMF), which is
utilized in eq 1, one requires information on the vapor-phase
composition. The vapor-phase composition was estimated for
each experimental point (at given temperature, liquid phase
composition, and solubility pressure) from the extended
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Raoult's law (cf, eq 3) for each of the solvent components i
in an iterative procedure (cf,, ref 67).

t
wlp = p™)
O exp| ———— |a; = ypdy,

; RT (i=2,3)

©)
where pi* and ¢ are saturation properties (vapor pressure,
fugacity coefficient) and v, is the molar liquid volume of a pure
solvent component i. R is the universal gas constant, and a; is
the activity of solvent component i in the liquid phase. The
activity a; of a solvent component i in the liquid mixture of
(CO, + H,0 + DMF) or (CO, + DMF) was estimated from
(see also Pérez-Salado Karnps67 and the modeling section
below):

a; = xiYi(T; x’s)\(i,conv(T; x'3, ml) (i=2,3)

(4)
x; is the true mole fraction of solvent component i in the liquid
mixture of (CO, + H,O + DMF):

=% (i=2,3)
1 + (my/m°)M;

X
()
where M* is the (mean) relative molar mass of the solvent
divided by 1000. For the binary solvent mixture under con-
sideration it is

My = Mj + x'3(M5 — M3) (6)
where M§= 0.018015 (for water) and M#¥= 0.0731 (for DMF).

7:(T, x';) is the activity coefficient of solvent component i in
the gas-free solvent. For pure DMF (as the solvent), that is,
when x5 = 1:

YT, x'3=1)=1 (7a)
whereas in aqueous solutions of DMF (as the solvent) 7,(Tx’5)
was approximated with the universal quasichemical activity
coefficent (UNIQUAC) model

(T, 2'3) =¥ uniquac(Ts #'3) (i=2,3)

(7b)

Yicony( T%'3m, ) is the so-called conversion term, which in a first
approximation accounts for the presence of the solute gas (cf,,
ref 67):

m m
Y, cony = —(;)Ms* + ln[l + (%)Ms*]

(i=2,3) (8)

For each experimental data point (composition of the gas-
free solvent, temperature, pressure, and molality of CO, in the
liquid phase) eq 3 was solved in an iterative procedure to
determine an estimate for the composition of the vapor phase.
This procedure requires several properties:

vapor pressure and the molar volume of the liquid
solvent components,

fugacity coefficient of a pure solvent component at
saturation,

UNIQUAC parameters for solvent components, and
fugacity coefficients of all components in the vapor

phase.
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sat

The vapor pressure of pure water (p5) and the molar
volume of saturated liquid water (v,) were calculated from the
correlation equations given by Saul and Wagner.”* Numerical
values for the vapor pressure of DMF (p§) and liquid phase
molar volumes (v;) were taken from the Detherm data collec-
tion”* and correlated as a function of temperature (cf., Table 5).

Table 5. Properties of Saturated Liquid DMF

sat

(a) Vapor pressure p§

sat
p T
In| 2 | = 3 (~6.8790 + 02600"° — 5.4740% + 7.9530°)
pc,3 T

Po3 (= 4357 MPa) and T, ; (= 643.15 K) are the critical pressure and the

critical temperature of DMF,” respectively; ® = 1 — (T/T.5).
(b) Molar volume v,
1/3 _

dm®-mol ™! a

1000
16.846 — 0.01315(T/K)

The fugacity coefficients ¢; (and ;) are calculated from
the virial equation of state which was truncated after the second
virial coefficient. Pure component second virial coefficients B;;
for CO, and water are calculated from a correlation based on
experimental data compiled by Dymond and Smith.”> Details
for the calculation of the second virial coefficients of all pure com-
ponents are given in Table 6. Mixed second virial coefficients B;;

Table 6. Pure Component Second Virial Coefficients B;;

d:
Bj i g |

——— =4%+h

cm”-mol (T/K)

i a; b; & d; T/K
CO, 65.703 —184.854 304.16 1.36 273—-573
H,0 —53.527 —39.287 647.3 4.277 373-577
DMF —-221.7 —598.14 500 3.6 300—430

are calculated as proposed by Hayden and O'Connell.”® Pseudo-
critical temperatures and pressures (T, p.;), molecular dipole
moments (4;), and mean radii of gyration (Rp,) of the pure
components as well as association parameters (77,7) were taken
from refs 6, 74, and 76 (cf. Table 7).

Table 7. Parameters for the Hayden and O'Connell Method
for Estimating Mixed Second Virial Coefficients

(a) Pure Component Parameters (Critical Temperature T, Critical Pressure

p.» Dipole Moment ;, and Radius of Gyration Rp;)

T Pei Hi Rp;

i K MPa 107 Cm 107 m
CO, 241.0 5.38 0 0.9918
H,0 647.3 22.13 6.10 0.615
DMF 643.15 4357 12.7 2.74

(b) Parameter #;; for Association between Molecules i and j

n co, H,0 DME
co, 0.16 03 0
H,0 0.3 17 0
DMEF 0 0 0

The UNIQUAC size and surface parameters of water and
DME were calculated according to Bondi.”” Interaction param-
eters were adjusted to vapor—liquid equilibrium data for that
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binary system (for details see Jédecke”®). All UNIQUAC param-
eters are given in Table 8.

Table 8. UNIQUAC Parameters for (DMF + Water)”®

(a) Size (r;) and Surface Parameters (g;)

i " 9
H,0 0.92 1.40
DMF 3.086 2.736

(b) Interaction Parameters (Tprwater 04 Tyyater DME)
b
o = explag s+ 2
)] J T /K
i b
TDME water 1.2563 —410.38
Tivater, DMF —2.3525 875.64

An estimation based on the method described above for the
solubility of CO, in pure DMF proved that the mole fraction of
DMEF in the vapor phase at the lowest pressure is about 0.008,
0.08, and 0.04 for the experimental data at (314, 354, and 395)
K, respectively. With increasing pressure that mole fraction
decreases further. Therefore, a second extrapolation of the
experimental data was performed for the evaluation to deter-
mine Henry's constant of CO, in DMF, where the vapor phase was
treated as pure carbon dioxide and the fugacity of CO, was
calculated from the Thermofluids Software.”” At low (high)
pressures numbers for f,/(m,/m°) calculated with the virial equation
are somewhat lower (higher) than the results which follow from
the assumption that the vapor phase is pure carbon dioxide.

As a typical example, Figure 4 shows the extrapolation to
determine Henry's constant of CO, in pure DMF at 354 K.

1.2

o N
@ o
1 1

(feo, Mco,)! (MPa/mol-kg™)
o
>
1

o
IS

o
N
I
(<)
[

p/MPa

Figure 4. Extrapolation to determine Henry's constant of CO, in
DMF at T ~ 354 K with different assumptions about the vapor phase:
O, vapor phase is treated as pure CO,; B, fugacity of CO, in the vapor
phase is calculated with the virial equation of state (truncated after the
second virial coefficient).

Figure 5 shows an example for the extrapolation when the
solvent is an aqueous solution of DMF. At higher temperatures
(ie, at 395 K), low mole fractions of DMF in the aqueous
solvent (for example, at x’; = 0.0S in the gas-free solvent
mixture), and low total pressures, the partial pressure of water
contributes significantly to the total pressure. In that range the
assumption that the vapor phase consists of pure carbon
dioxide results in large errors for Henry's constant. Therefore,
all extrapolations were based on the results obtained from the
virial equation of state.
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Figure S. Extrapolation to determine the Henry's constant of CO, in
aqueous solutions of DMF (x; & 0.05) at T ~ 395 K with different
assumptions about the vapor phase: O, vapor phase is treated as pure
CO,; I, fugacity of CO, in the vapor phase is calculated with the virial
equation of state (truncated after the second virial coefficient).

The uncertainty of Henry's constant (resulting from the
uncertainty of the experimental results and the extrapolation
procedure) is estimated to be less than + 2 %. The (molality
scale based) Henry's constant of CO, in DMF is by about a
factor of 6 smaller (the solubility of CO, in DMF—on a
molality scale basis—is about a factor of 6 larger) than that of
CO, in water. The results are given in Table 9 and shown in
Figure 6 as In kfj¢o,, over the reciprocal temperature.

For pure DMF the experimental results can be well-
correlated by a linear relation between In kfjlo , and the
reciprocal temperature. However, with increasing mole fraction
of water in the solvent, an increasing curvature of that plot is
observed. The following equation was selected to correlate the
influence of temperature on Henry's constant of CO, in
aqueous solutions of DMF:

ln(kf’L'g 05,5/ MPa)
1000
= a(x’3) + b(xé)W +f(x’3)-[CW ln(T/K)
+ Dw(T/K)] ©)

Parameters Cyy (= —28.7488) and Dy, (= 0.0144074) are taken
from the correlation of Rumpf et al.® for Henry's constant of
CO, in water and f(x;) is an empirical factor that accounts for
the decreasing curvature of a plot of Henry's constant versus

©
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Figure 6. Henry's constant of CO, in aqueous solutions of DMF: 4,
'y = 0 (from Rumpf and Maurer®); ¢, x'y = 0.1; 0, &'y = 0.25; W, x5~
0.5; @, x5~ 0.75; O, x5 = 1.0.

the reciprocal temperature when the mole fraction of DMF in
the gas-free solvent mixture x’; increases. That empirical factor
was chosen to fulfill the following conditions:

f(x'3) > 1 for
f(x'3) > 0 for

x'3 > 0 (ie, for pure water)

x’3 > 1 (ie, for pure DMF)

A simple function that fulfills both conditions is:

flx'3) =1+ «/3(dx’y — 1) (10)

where d is treated as an adjustable parameter.

Parameters a(x’;), b(x’3), and d were fit to the new
experimental data for Henry's constant for CO, in DMF and
aqueous solutions of DMF. The resulting parameters are given
in Table 10. The correlation results agree with the
experimentally determined Henry's constants with a standard
deviation of less than 3 % and a maximum deviation of 6.3 %
(at 354.4 K and «'; = 0.75).

The influence of the solvent composition on Henry's
constant of CO, is shown in Figure 7.

Adding some DMF to water results in a rather large decrease
of Henry's constant, whereas vice versa, adding some water to
DME results only in a small increase of the Henry's constant at
all investigated temperatures. The strong influence of small
amounts of DMF in water on Henry's constant of CO, is most
obvious at higher temperatures. The experimental results for
Henry's constant of CO, in (H,O + DMF) were correlated
using the following equation that combines a simple mixing rule

Table 9. Henry's Constant kjj¢o,, (at Zero Pressure on the Molality Scale) and Partial Molar Volume Viyco,, of CO, (1) in

Solvent Mixtures of H,O (2) + DMF (3)

T = (3138 + 0.1) K

T = (3544 + 0.1) K

T = (3950 + 0.1) K

kifo,s Vinco.s kito,s Vinco.s T1C0,s Vincoss
ity MPa cm®mol™! MPa cm®mol™! MPa cm®mol™!
1 0.617 45.1 1.095 483 1.617 53.1
0.8992 0.690 45.8 1.203 48.7 1.714 52.2
0.7468 0.892 44.4 1.461 46.9 1.955 50.0
0.5029 1.417 42.5 2.115 43.5 2.598 46.4
0.2521 2.688 384 3.620 40.1 4.080 44.2
0.1004 3.570 30.5 5.448 32.8 6.437 35.1
0.0500 3.819 284 6.746 31.6 7.732 315
o® 4.289 33.0 7.824 36.0 10.13 41.0

“y'; is the mole fraction of DMF on CO, free basis. "Henry's constant adopted from ref 6, partial molar volume calculated according to Brelvi and

O'Connell.*°
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Table 10. Correlation” for the Influence of Temperature on
Henry's Constant kj}go

0
ln(k}?, COs /MPa)

= a(¥3) + ble'3) T +(e3) (G In(T/K)
+ Dyw(T/K))

s a(x'y) b(x's)
1 4.23005 —1.47579
0.8992 —27.43368 0.00240
0.7468 —53.98950 1.35496
0.5029 —42.58988 1.10090
0.2521 38.23218 —2.20665
0.1004 122.35191 —6.14677
0.0500 156.27034 —7.80627
0 192.876° —9.62441°

“Cyy = —28.7488 and Dy, = 0.0144074 and f(x'y) = 1 + x5(2.97025x, — 1).
bx'z and «'y are the mole fractions (on CO,-free basis) of water and
DME, respectively. “From Rumpf et al.®

12

oz,s/MPa

20
ET 4

0.4
X3

0.6 0.8 1.0

Figure 7. Influence of the mole fraction of DMF «’; in the gas-free
solvent on the Henry's constant of CO, in aqueous solutions of DMF:

B T=314K O, T~ 354K ® T= 395 K

(ie., ideal mixture) for In kf}o, with an expression similar to
the Redlich—Kister equation (cf., ref 67):

1n(k;n1;8 Oy /MPa)
= ln(klr_nL’goz,W/MPa) + x'3 [ln(klr_rll]’goleMF/MPa)
- ln(klr_nngoz,W/MPa)] + x'zx’3 [AH,O(T)

+ (x'3 = x'2) A (T) + (x'3 — x'2)*Ap 5 (T)]
(11)

where kﬁ"’gobw and kﬁ"'goz,DMF are the Henry's constants for the
solubility of CO, in water and DMF, respectively, which were
taken from Rumpf et al.’ and the present work (cf. eq 9 and
parameters in Table 10 for «; = 1). Parameters Ayo(T),
Ay (T), and Ay ,(T) were fit to the experimental results for the
influence of the composition of the solvent mixture on Henry's
constant. The results are given in Table 11. The correla-

tion equations reproduce the experimental results for kﬁ‘]’goz’s at
314 K (354.4 K, 395.0 K) with a standard deviation of 2.2 %
(1.7 %, 1.0 %). At 314 K (3544 K, 395 K) the maximum
deviation amounts to 3.2 % at x’; = 0.5 (3.5 % at «’; = 0.05,
24 % at x'y = 0.05).
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Table 11. Correlation for the Influence of Solvent
Composition on Henry's Constant ki'¢o, (cf., eq 11) and

on the Partial Molar Volume Vo ¢ (cf., eq 15)

T/K 314.0 354.4 395.0
Ay —0.39981 —1.24173 —1.73856
Ay, —0.68109 0.36626 0.98525
Ay, 0 —0.29568 —0.78375
Virco,w/ (cm®*mol ™) 22.89 25.90 26.20
all temperatures
Ayp 31.32
Ay, 23.32
Ay, 33.87

B COMPARISON WITH LITERATURE DATA FOR
HENRY'S CONSTANT

Melzer et al** reported experimental results for Henry's
constant (on the mole fraction scale) of CO, in pure DMF and
aqueous solutions of DMF (x'y > 0.5) at temperatures between
(213 and 298) K, that is, at temperatures below the scope of
the present investigation. Schlichting®® used the same equip-
ment and determined Henry's constant of CO, in DMF at
approximately (293.2, 313.1, and 338.1) K. Both data sets give
Henry's constant on mole fraction scale kfjco,,. These data
were converted to the molality scale based Henry's constant
kiteo,s (neglecting the influence of pressure on kfjco,,):

km,O

X ¥
H'COZ'S - kH,COz,S MS

(12)
where M¥ is given by eq 6. Equation 9 (with parameters given
in Table 10) was used to extrapolate the results of the present
work to lower temperatures. For pure DMF, at 298 K the
relative difference between the correlation results from eq 9 and
the data from Melzer et al. is below 0.1 %. This is well below
the experimental uncertainty of the data by Melzer et al. (which
is at least 1.6 %). However, with further decreasing temperature
the difference between the correlation equation and the results
of Melzer et al. increases (for example 8.4 % at 274 K and
nearly 20 % at 253 K). Schlichting's results for Henry's constant
deviate from the correlation given by eq 9 by S % (at 293 K),
0.4 % at (313 K), and 2 % (at 338 K); that is, the deviations are
larger than the experimental uncertainty only at 293 K. We
assume that these larger deviations at low temperatures are
caused by the failure of eq 9 to give reliable estimates at those
low temperatures.

However, the good agreement in the temperature range from
(293 to 338) K confirms the above-mentioned suspicion for the
reason for the large deviations between the new results and
those of Chang et al. for the total pressure above (DMF +
CO,) at 310 K.

The set of Henry's constant from Melzer et al, from
Schlichting, and from the present work was used to find the
following correlation for Henry's constant of CO, in DMF for
temperatures between (213 and 395) K:

m,0
In(kgy'Co,, pmE/ MP2)

2093.54

= 0.99471 — + 1.41601 In(T/K)

— 0.0093386(T/K) (13)
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This equation describes the experimental data with a standard
deviation of 1.7 % and a maximum deviation (at 233 K) of
32 %.

For aqueous solutions with x’; = 0.9 (and 0.5) the deviations
between the extrapolation results from eq 9 and the data
reported by Melzer et al. increase to 3 % (and 8 %) at 298 K
and to about 20 % (and 36 %) at 253 K.

B EVALUATION OF THE PARTIAL MOLAR VOLUME
OF CO, AT INFINITE DILUTION IN DMF AND IN
AQUEOUS SOLUTIONS OF DMF

The experimental results for the ratio of cell volume V and
mass of (gas-free) solvent 7, were used to determine the partial
molar volume of CO, at infinite dilution in the solvent V¥ cq .
At low gas molalities, the following relation holds for the
influence of gas molality mco, on V/fi, at (T, ;) = constant

(cf. ref 81):
14

1 o
— = — +mc0o, Vm,COys
YN

Ps (14)

where p, is the density of the (gas-free) solvent. As a typical
example, Figure 8 shows a plot of the experimental results

d
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> o
1 1 1

-
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5 10
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o
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Figure 8. Extrapolation to determine the partial molar volume of CO,
at infinite dilution in DMF at T = 354 K.

for V/f, versus mco, (when CO, is dissolved in pure DMF at
354 K).

The linear behavior (V/i, versus mcg,) prevails up to large
gas molalities. Therefore—although the estimated uncertainty
of the reported experimental results for V/in, is about 0.4 %—
the partial molar volume Vo ¢ can be reliably determined.
We estimate that the absolute uncertainty in the results for
Voo, is below + S cm®mol™". These results are summarized
in Table 9 and shown in Figure 9 together with the prediction
results from the method of Brelvi and O'Connell®® for the
partial molar volume of CO, in pure water (setting the
characteristic molar volume of CO, and H,O in that method to
(80 and 46.4) cm®mol™!, respectively). The partial molar
volume of CO, at infinite dilution in DMF decreases from
about 53 cm®mol™' to about 45 cm®mol™' when the
temperature decreases from (395 to 314) K. These values
correspond to a volume expansion of about 40 % when 10 mol
of CO, are dissolved in pure DMF at about 350 K (ie, at a
pressure of about 8 MPa). The partial molar volume of CO,
also decreases at constant temperature with increasing mole
fraction of water in the solvent mixture. An extrapolation of the
new data to pure water results in partial molar volumes of CO,
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X3

Figure 9. Influence of the mole fraction of DMF «’; in the gas-free
solvent on the partial molar volume at infinite dilution in aqueous
solutions of DMF: ll, T~ 314 K; O, T ~ 354 K; @, T ~ 395 K. Data
for &’y = 0 (ie, for water) from the correlation by Brelvi and
O'Connell.*

that lie about 10 cm®mol™" below the prediction results from
the method by Brelvi and O'Connell.

The influence of the solvent composition on the partial
molar volume V7o, . was approximated by an equation similar
to eq 11, but neglecting the influence of temperature on the
Redlich—Kister parameters:

0 (o] ’ (o4
Vi, CO,,s = Vm,co,,w + '3[V co,,DMF
— Vo, wl + *2x'3[4y o + (x'3 — 22)

! ! 2
Ay + (x'3 — 2'3) Ay )] (15)

where V'co, w and VPco pumr are the partial molar volumes of
CO, at infinite dilution in water and DMF, respectively, and
Ay, Ay, and Ay, are Redlich—Kister parameters. The
Redlich—Kister parameters as well as the partial molar volume
of CO, in pure water Vo, w were fit to the new experimental
results; that is, the prediction results for Vco w from the
method of Brelvi and O'Connell were not considered for that
correlation. The results from that fit are given in Table 7. The
correlation reproduces the experimental results for V7o, with

a standard deviation of 1.1 cm3mol™!. The maximum deviation
is 2.4 cm®mol™" at 354.4 K and x5 = 0.9.

B COMPARISON WITH LITERATURE DATA FOR THE
PARTIAL MOLAR VOLUME OF CO, IN DMF

Chang et al.** also measured the density (by vibrating tube
densimetry) of liquid mixtures of (DMF and CO,) at (291,
301, and 310) K. Their data were converted to allow an
evaluation according to eq 14. As expected, also at those lower
temperatures, the linear relation between V/#i, and mcq, holds
up to large gas molalities. The results for the partial molar
volume of CO, in DMF at infinite dilution V¥ co pye are 43.4
cm®mol™ (at 290.8 K), 41.3 cm®mol™ (at 300.8 K), and 44.5
cm®mol™" (at 310.1 K). The uncertainty resulting from the
extrapolation procedure is estimated to + 3 cm®*mol™". The
good agreement between the results from the data by Chang
et al. for 310.1 K with the results of the present work at 313.8 K
(45.1 cm®*mol™") is another indication for the suspicion

dx.doi.org/10.1021/je300105q | J. Chem. Eng. Data 2012, 57, 1249—1266



Journal of Chemical & Engineering Data

mentioned above when the experimental results for the total
pressure above (DMF + CO,) were compared—as small
amounts of a sparsely soluble gas are expected to have a very
small influence on V) co pur-

Kordikowski et al.*® reported experimental results for the
density of liquid mixtures of (DMF + CO,) at (298.15, 303.15,
and 313.15) K at pressures up to 7.6 MPa (reporting also the
density of the pure solvent DMF). An evaluation of that
experimental data according to eq 14 reveals only a minor
influence of temperature on V7'co pmr- The numerical
values for V7o, pmr slightly depend on the evaluation pro-
cedure (number of data points used in the correlation, linear
fit, or quadratic fit of V/(fipyg) versus mco,, etc.) and scat-
ter between 37.6 cm>mol™ (at 298 K) and 40.0 cm® mol™*
(at 313 K). They are always smaller than the numbers
that were extrapolated from the results of the present work
(43.3 cm®mol™! (at 298 K) and 44.8 cm®mol™! (at 313 K)).
However, we assume that the differences are smaller than the sum
of the experimental uncertainties of both investigations.

The most comprehensive study on the density of liquid
mixtures of (CO, + DMF) was performed by Zafiiga-Moreno
and Galicia-Luna®> by vibrating tube densimetry at temper-
atures from (313 to 363) K and pressures between (3 and 25)
MPa. Their density data were used to determine V'co pyr at
(313 and 353) K. In that evaluation it was assumed that in the
range of composition and pressure that are of interest here the
partial molar volumes of both components only depend on
temperature (ie., they depend neither on the composition of
the liquid mixture nor on pressure). Thus, the following
equation was applied to calculate Vi) co, pye:

Mpmr
PDMF
xco,"Mco, + (1 — xco,)-MpMF

(00)
%C0, Vm,co,DMF + (1 — xco,)-

(16)

Prmix

Each experimental data point for the density of a liquid
mixture of (CO, + DMF), p,., from the publication by
Zaiiiga-Moreno and Galicia-Luna®® (at mole fractions of
CO, up to about 0.6 and pressures up to about 11 MPa) was
used (together with their experimental results for the
density of pure DMF, ppyg) to calculate Vi'co, pue-
The resulting average number for VPco pumr is (43.4%2¢
cm®mol™" at 313 K and (47.5 + 0.5) cm®mol™" at 353 K.
These values agree excellently with the results of the present
Vivco,pme = 45.1 cm®-mol™ at
at 354 K.

investigation (cf., Table 9)
314 K and 48.3 cm®mol ™

B CORRELATION OF VAPOR-LIQUID EQUILIBRIUM

The correlation of the new experimental data for the solubility
of CO, in DMF and aqueous solutions of DMF combines the
extended Henry's law on the molality scale for the solute, that
is, carbon dioxide (component 1)

o
VCco,,&

0 e a :fV
H,COy,s *P| ™ pr Co, =Jco,

(17)
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with the extended Raoult's law for the solvent components

b eXPl ]“i = y.pd;

(i = 2(water), 3(DMF))

Vi(p - Pis)
RT

(18)

Two approaches were applied. In approach A the fugacity of
carbon dioxide in the vapor phase was described by the virial
equation that was truncated after the second virial coefficient:

%
fco, =Yco,PPco, (19)
The details of that method are described above in the section
on the evaluation of the experimental data to determine
Henry's constant.

As the truncated virial equation is not a good approximation
when the pressure is high and the temperature is low, also an
approach B was applied. Here it was assumed that the amount
of both solvent components in the vapor phase is so small that
it can be neglected; that is, approach B assumes that the vapor
consists of pure carbon dioxide. Then, the phase equilibrium
description reduces to:

o
VCo,,

kH COy,s exp[i

_ /v
RT ]“COZ - fCOZ,pure (T, p)

(20)

The fugacity of pure carbon dioxide was calculated using the
equation of state of Span and Wagner”” via the Thermofluids
software package.”” That assumption is a good approximation
at high pressures and low temperatures, but it does not allow to
estimate the vapor phase mole fractions of the solvent
components and certainly fails at low partial pressures of
carbon dioxide.

The liquid phase was always (in approaches A and B)
described with the method of Perez Salado Kamps®” which is
an extension of Pitzer's expression®*®® for the excess Gibbs
energy of aqueous electrolyte solutions to solvent mixtures. The
activity of the solute component becomes:

mco,

aco, = 2vico,

(21)

where y*co—the activity coefficient of CO, in the solvent
mixture—is expressed using a binary (fco,co,) and a ternary
parameter (lco,co,co,) for interactions between solute species

in the solvent mixture:

mco
=92

co,
— Pco,co, T 3( 5 )

In v%o,
m

Hco,,Co,,Cco, (22)

Both interaction parameters depend on temperature and
solvent composition:

Bco,,co, = Pco,,co,(T)%'3) (232)

Hco,,co,,co, = ”COZ,COZ,COZ(T’ x'3) (23b)

The activity of a solvent component follows from eq 4 that has
to be extended to consider the contribution from the
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interactions between the solutes and the particular selection of
the reference state for the solute:

a; = xiyi(T’ xl3)yi,conv(T’ x'3, ml)yi,Pitzer(T’ x'3, ml)

Vi ref(T) &3, my) (i=2,3) (24)

where x;, y,(Tx'3), and ¥, on,(T)x'3m;) are given by egs S, 7b,
and 8, respectively, and yilpitzer(T,x},ml) and y,v‘ref(T,xg,ml) are
(cf. refs 67 and 87), for i = 2 (i.e., for water):

In y2,Pitzer(T’ x'3, my)
3
CO, mco,
= -Mj|[—=2 2
2[( e ) Bco,,co, t ( o )

« | (mco,*9Pco,,co,
HCOZ,COZ,COZ - Msx 3 m°

. ( mco, )3 Ico,,CO,,CO,

0x’3

o

dx/3

m (252)
In y2,ref(T’ x/3, ml)
[ k0 (T,x'3)
H, '3
Jln %
. MCO, kH,yCOZ,W(T)
= —x'3M;
m° 0x'3
L T
p aV COz, (M; - M2)
S A 1
RT( o'y ) M
i (25b)
and for i = 3 (i.e., for DMF):
In y3,Pitzer(T’ xl3’ ml)
3
] (Mo, mco,
=-M3 [(—m Pco,co, T
£ ’
”COZ,COZ,COZ] + Mg (1 - «'3)
(mco2 )2 9Bco,,co, N ( mco, )3
m° 0x'y m°
I co,,C0,,CO, }
ox'3 (262)

In ’Y3’ref(T! x/31 ml)

oln ke C02 {T)x'3)
=(1-« )M*( mcoz) k5o, w(T)
3/ m° Ox'y
L T

p [Vmcoys| | (M5 - MF)
3k
RT(  ovy ) M;

(26b)

The calculations applied the experimental results for Henry's
constants in the pure solvent and eq 11 to describe the
influence of solvent composition on the Henry's constant (at
zero pressure). The influence of pressure on Henry's constant is
taken into account by eq 17. The influence of temperature and
composition on the partial molar volume of CO, at infinite
dilution in the solvents was described by eq 1.

In both correlation methods, the influence of temperature
and solvent composition was approximated by a Redlich—
Kister type of expression:

Pco,,co,(T) '3)
= %"2Bco,,co,(T) *'3 = 0)
+%'3Bco,,co,(T) *3 = 1) + x22'3[Ap 0
+ ('3 —xp)Ap 1 + ('3 — x'z)zAﬁ,z] (27)

and

HC0,,C0,,c0,(T #3)
= ¥'21c0,,c0,,c0,(T) *'3 = 0)
+ x/3”C02,C02,C02(T’ X'y = 1) + x'zx'3[Au’0
+ (w3 = x2)Ap1 + (3 = 22) Ay )] (28)

where (fco,co,(Txs = 0) and oo, co(Tx; = 1)) and
(Hco,co,c0,(T’s = 0) and pico,co,co,(Ts = 1)) are the
binary and ternary parameters for interactions between CO,
molecules in water (i.e, 3 = 0) and in DMF (i.e, x’; = 1). The
parameters for interactions in water were set to zero.

Results for Method A. The (temperature-dependent)
parameters for interactions between CO, molecules in pure
DMF were fit to all new experimental results for the solubility
of CO, in DMF. A restriction to low gas molalities and low
pressures (see below) showed no significant improvement. The
results for fco,co,(Tix's = 1) and pco,co,co,(Tix3 = 1) are
given in Table 12. The correlation results for the total pressure
above (DMF + CO,) agree with the experimental results with a
standard deviation of 2.2 % at 314 K, 0.5 % at 354 K, and 1.0 %
at 395 K. The maximum deviations amount to 5.3 % at 314 K
(at mco, = 0.261 mol-kg™" and p = 0.141 MPa), 1.2 % at 354 K

(at mco, = 24 mol'kg™" and p = 2.37 MPa), and 2.0 % at 395 K
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Table 12. Correlation of the Gas Solubility Measurements by
Method A

T/K 314.0 354.4 395.0
Beo,co(T, x5 = 1) —0.03615 —0.04329 —0.04574
ﬂcoz,cobcoz(T: xy=1) 0.000292 0.000522 0.000445
first modification all temperatures (mco, < 10 molkg™"; p < 7 MPa)

Ay —0.22452
Ay, 0.20586
Ay 0.043254
Ao 0.0055806
Ay ~0.0089273
Ayn —0.0017068
second modification all temperatures, all experimental data points

Ao ~0.20636

Ay, 0.19195

Apy 0.015682

Ao 0.0039984

Ay —0.0063330

A 0.0015541

1,2

(at mco, = 1.93 molkg™' and p = 3.03 MPa). The good
agreement was not expected as on one side the virial equation is
not a good choice at the higher pressures, and on the other
side, the molality-scale-based model for the excess Gibbs energy
of the liquid mixture cannot be expected to be a good choice at
the very high gas molalities. For example, at mco, = 30 molkg ™,
the dominating component in the liquid mixture is no longer
DMF but CO, (mole fraction of CO, ~ 0.7).

All remaining parameters (which describe the influence of
composition on the binary and ternary interaction parameter
between CO, molecules) are assumed to be independent of
temperature. They were fit to the experimental results for the
total pressure when CO, is dissolved in aqueous solutions of
DME. Two modifications of approach A were considered. In
the first modification only those experimental data were
considered where either the molality of carbon dioxide did
not exceed 10 mol-kg”' DMF and/or the pressure was below
7 MPa, whereas in the second modification all experimental data
points were used to adjust the model parameters. The resulting
parameter sets are shown in Table 12. The first modification
represents the experimentally determined total pressures that
were used for fitting the parameters with a standard deviation of
2.5 % and results in a standard deviation of 5.8 % over all
experimental data points. The second modification gives a
standard deviation of 3.6 % over all experimentally determined
total pressures and of 2.5 % for the data points considered in
the first modification. The small differences reveal that—as
expected—the interaction parameters of the model for the
liquid phase can also correct some failures of the method to
describe the properties of the vapor phase. Figure 10 shows the
influence of solvent composition and temperature on the binary
and ternary interaction parameters from the second mod-
ification. Both parameters show an S-shape behavior, that is,
with changing solvent composition both parameters run through
a minimum as well as through a maximum.

The correlation presented here is aimed to describe gas
solubility in terms of the total pressure versus the molality of
the dissolved gas. Therefore, one may expect that the model
correctly predicts the gas phase composition at low gas
molalities, but not at high gas molalities (as no experimental
data for the vapor phase composition was available). The
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Figure 10. Influence of the mole fraction of DMF x'; in the gas-free
solvent on the binary and ternary interaction parameters fSco, co, and
Hco,co,co, (method A; parameters fit to all experimental cfata):

broken line: T = 314 K; dotted line: T = 395 K; full line: T = 354 K.

capability of the model (with the current parameter set) to
predict the gas-phase composition was tested by way of
example. Prediction results for the composition of the vapor
phase above liquid mixtures of (CO, + DMF) are compared
with experimental results reported by Schlichting®> who
measured the vapor-phase composition by a dynamic gas
saturation technique at (293, 313, and 338) K at pressures up
to about 10 MPa. The experimental results showed—for all
investigated temperatures—that the small vapor phase mole
fraction of DMF runs through a minimum when the pressure is
increased. As a typical example Figure 11 shows the results by

3 '/l
II
4
IIO
L 2
o
o
o
1
0
0 8

p/ MPa

Figure 11. Vapor—liquid equilibrium of (CO, + DMF) at T = 313 K:
Experimental results (Schlichting®®) and prediction results (present
work, second modification of model A) for the vapor-phase mole
fraction of DMF y;: @, experimental data; O, prediction results.

Schlichting in comparison with predictions from the
correlation. The prediction results for the vapor-phase mole
fraction of DMF steadily decrease with increasing pressure.
Only at low pressures the prediction results agree reasonably
with the experimental data. However, at high pressures (ie., at
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gas molalities, where DMF is no longer the main component of
the liquid phase) the prediction results deviate systematically
from the experimental data. Schlichting®® discussed the
uncertainties of his experiments. The largest uncertainty
(estimated to SO %) might be caused by an incomplete satura-
tion of CO, in the liquid phase. However, at high pressures the
deviations between Schlichting's experimental results and the
predictions for the vapor-phase mole fraction of CO, reach
some orders of magnitude. This is a hint that—as already
mentioned above—the shortcomings of the model (Pitzer's
molality-scale-based GF-model with DMF as the background
solvent but DMF being no longer the main component in the
liquid phase + truncated virial equation) are compensated by
the flexibility of the model resulting in parameters for interac-
tions in the liquid phase that have only a limited physical
meaning.

Results for Method B. Method B assumes that the vapor
phase is pure carbon dioxide. Therefore, that model should
only be used when the mole fraction of CO, in the vapor phase
is sufficiently large (here: yco, > 0.98 (at (314 and 354) K) and

yco, > 0.9 (at 395 K)). The vapor phase mole fraction was
estimated from the vapor pressure pi* above the binary, gas-
free solvent mixture (water + DMF) and the total pressure p
that is required to dissolve CO, in that solvent mixture:

_ sat
YCOyestim = P~ K )/p (29)

As in method A, the binary and ternary parameters for
interactions between dissolved carbon dioxide were considered
to depend on temperature and solvent composition. The
experimental results for the solubility of CO, in DMF were
used to fit fco,co,(T, x5 = 1) and pico,co,co,(T, %3 = 1) as to
minimize the deviation between the correlation results and the
experimental results for the molality of CO, in the liquid phase.
As in method A, the calculations were based on the
experimental results for the Henry's constants in the pure
solvents and on eq 11 to describe the influence of solvent
composition on the Henry's constant. The influence of pressure
on Henry's constant was described by eq 20. The influence of
temperature and composition on the partial molar volume of
CO, at infinite dilution in the solvents was described by eq 15.
The set of parameters is given in Table 13. The correlation
results agree with the experimentally determined molalities of
CO, in pure DMF (at 314 K and yo, > 0.98), (at 354 K

estim

Table 13. Correlation of the Gas Solubility Measurements by
Method B

T/K 314.0 354.4 395.0
Boo,co (T, x5 = 1) —0.03731 —0.04370 —0.04546
Heo,co,co,(Ty %5 = 1) 0.000289 0.000454 0.000369

at 314 and 354 K: yco, > 0.98; at 395 K: yco, > 0.90
Agp —0.189234
Ay, 0213595
Agy —0.108086
A 0.0015951
A, —0.0012252
A, —0.00078686

and yco,estim > 0.98), and (at 395 K and yco,etim > 0.9) with a
standard deviation of 1.9 %, 0.5 %, and 1.7 %, respectively. The

experimental results for the solubility of CO, in aqueous
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solutions of DMF were then used to determine the influence of
solvent composition on the binary and ternary interaction
parameters. That influence was described by eqs 27 and 28
assuming that the Redlich—Kister parameters do not depend on
temperature. The fitting procedure followed the outline given
above. The Redlich—Kister parameters Ay, and A, ; (fori =0, 1,
and 2) are given in Table 13. The influence of solvent
composition and temperature on the binary and ternary
interaction parameters resembles the behavior already shown
in Figure 10. Both parameters show an S-shape behavior, that
is, with increasing mole fraction of DMF both parameters run
through a minimum as well as through a maximum. The
correlation represents the experimentally determined molalities
of CO, in aqueous solutions of DMF (for yco, eqim > 0.98 (at
(314 and 354) K) and yco,esim > 0.9 at 395 K) with a standard
deviation of 3.47 %. Reducing the database to lower gas
molalities does not result in an improvement. For example, the
standard deviation (for the considered data set) slightly
increases from 3.47 % to 3.55 % (3.63 %) when the maximum
gas molality is limited to mco, < 10 molkg™ (mco, < S
mol-kg™"). As expected the interaction parameters from all
three correlations (first and second modification of method A
and method B) attain similar numerical values, but one should
keep in mind that small changes in those parameters can have
an important influence on the calculated data (total pressures
and molalities of dissolved CO,, respectively). Finally it should
be mentioned that both the activity coefficient of CO, and the
Krichevsky—Kasarnovsky factor that describes the influence of
pressure on Henry's constant (cf. eqs 17 and 20—22) have an
important influence on the calculation results. For example, for
the solubility of CO, in pure DMF at T = 314 K and p = 6.6
MPa (ie., at the highest investigated gas molality mco, = 31
mol-kg™") the Krichevsky—Kasarnovsky factor becomes
exp[ V&, ,p/(RT)] = 1.12 and the correlation method B gives
for the activity coefficient of carbon dioxide y*co, = 0.227.
Both correlation methods were also used to compare
calculation results for the solubility of CO, in DMF at (294
and 338) K with the experimental results of Duran-Valencia
et al*® For (294 and 338) K, the interaction parameters
Beo,co (T, #'s = 1) and pco,co,co,(T) ¥5 = 1) required for
these calculations were extrapolated (for 294 K) or interpolated
(for 338 K) from the results given in Tables 12 and 13,
respectively. The comparison was restricted to mco, < 16
(mol'kg™'). The solubility pressure was calculated (using
method A) for given temperature and liquid phase
composition, whereas the molality of dissolved CO, was
calculated (using method B) for given temperature and
solubility pressure. For 294 K, the calculation results system-
atically deviate from the experimental results by Duran-Valencia
et al.*” The calculated results for the total pressure (molality of
CO,) are lower (higher) than the experimental data. The
deviations between the experimental results and the calculation
results from both methods reveal the same order of magnitude.
The relative deviations decrease with increasing molality of
CO, from about 10 % at mco, < S (molkg™) to about 1 % at
mco, & 15 (molkg™"). There is also a systematic deviation
between the calculation results and the experimental data by
Duran-Valencia et al. for 338 K. The calculated results for the
total pressure (molality of CO,) are higher (lower) than the
experimental data. The relative deviation increases with
increasing molality of CO, from about 2 % at mgo, < S
(molkg™") to about 7 % at mco, ~ 16 (molkg™").

dx.doi.org/10.1021/je300105q | J. Chem. Eng. Data 2012, 57, 1249—1266



Journal of Chemical & Engineering Data

B CONCLUSIONS

Gas solubility in mixed solvent systems is an area of fluid phase
equilibrium thermodynamics that has many applications in
industry. Despite its importance, the amount of open accessible
and reliable experimental data as well as the number of tested
models for the correlation and prediction of such data is far
from adequate. The present publication is aiming to contri-
buting to that area. In an extension of previous investigations
on the solubility of a single gas in organic solvents, aqueous
solutions of organic solvents (without as well as with a strong
electrolyte) the solubility of carbon dioxide in pure liquid N,N-
dimethylmethanamide (commonly known as dimethylforma-
mide or DMF) and in aqueous solutions of DMF at tem-
peratures from about 314 K to about 395 K and pressures up to
about 10 MPa was determined experimentally with a synthetic
technique. The mole fraction of DMF in the aqueous, gas-free
solutions was varied between 0.05 and 1. The Henry's constant
of carbon dioxide in pure liquid DMF as well as in the solvent
mixtures was evaluated from those new experimental results.
The volumetric data that were measured in the gas solubility
measurements were used to determine the partial molar volume
of CO, in those solutions. Such data are in particular important
to estimate the volume expansion of liquids caused by well
soluble gases. The vapor—liquid equilibrium data were
correlated by applying an extension of Pitzer's model for
aqueous electrolyte solutions to describe the gas solubility in
mixed solvents. The results for the binary system (DMF +
CO,) were compared to the rather limited experimental infor-
mation on that system that is available in the open literature. In
ongoing research the investigations will be extended to the
influence of a strong electrolyte on the solubility of CO, in
(water + DMF).
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