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Wepresent a new strategy to estimate the temperature de-

pendent vapor-liquid equilibria and solvation free energies

of dilute neutral molecules based on only their estimated

solvation energy and enthalpy at 298 K. These two pieces of

information coupled with matching conditions between the

functional forms developed by Japas and Levelt Sengers for

near critical conditions and by Harvey for low and moder-

ate temperature conditions allow the fitting of a piecewise

function that predicts the temperature dependent solvation

energy for dilute solutes up to the critical temperature of

the solvent. If the Abraham andMintz parameters for the

solvent and solute are available or can be estimated from
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group contributions, this method requires no experimental

data and can still provide accurate estimateswith an error of

about 1.6 kJ/mol. This strategy, which requires minimal com-

putational resources, is shown to comparewell with other

methods of temperature dependent solvation free energy

prediction.

K E YWORD S

Solvation Free Energy, Chemical Property Estimation, Gas
Solubility, Phase Equilibrium

INTRODUCT ION

Predicting solvation’s effects on the thermochemistry of dilute solutes is of great importance to numerous industrial
and environmental efforts. Partitioning coefficients between fluid phases are needed for the design of synthesis and
separation processes, the prediction of biomolecular properties, and the management of pollutant levels affecting
human health.1,2,3 Rapid, accurate solvation energy predictions are also key to the creation of detailed chemical
mechanisms that enable us to understand complex reacting systems. Most ab initio thermochemistry calculations and
experimental measurements rely on a gas phase environment, requiring solvation thermochemistry corrections for any
system in a condensed phase.

Manymethods for predicting solvent effects on the thermochemistry of solutes have been developed. These range
in complexity from simple linear models, like those created by Abraham4 andMintz,5 tomethods based on quantum
calculations, such as those developed by Cramer and Truhlar1 or Klamt.6 Simple linear models are trivial to calculate
once fit to experiments but are necessarily limited by the information that they predict, that is, solvation properties
at a single pressure and temperature. Most solvation data are obtained at 1 bar and 298 K, and high temperature
measurements are scarce. While one can extrapolate to other conditions using these values, the predictions become
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drastically less accurate as the temperature diverges fromwhere the model was fit to experiments. The UNIQUAC
activity coefficient models are widely used to predict phase equilibria across a range of temperatures. However, they
typically rely on fitted empirical parameters specific to the solute and solvent pairs.7 The UNIFACmethodmodifies
this approach by using the functional groups in the solute and solvent to predict themodel parameters, reducing the
need for fitted empirical parameters for every unique pair. It is however, limited in the types of molecules for which the
predictions can bemade.8,9,10 In either method, one relies on temperature dependent data either directly worked into
the binary interaction parameters or uponwhich the temperature dependent functional group predicted parameters are
based.10 Semi-empirical correlations developed by Plyasunov et al.11,12 exist for predicting solvation properties across
wide ranges of temperature and pressure, but their studies were limited to aqueous solution and required empirically fit
parameters.

In contrast, ab initio methods can predict solvation properties without any experimental data but can require
extensive computational resources. Further, the temperature ranges in which they are reliable are often limited by the
experimental conditions of the training set used to parameterize the solvationmodels. For example, the SMDmodel13

based on the interaction between the quantummechanical electron density of solutes and continuum solvents is known
for its ability to predict solvation free energies for neutral or charged solutes in solvents at 298 Kwith great accuracy.
However, the model is trained with experimental data at 298 K and therefore not suitable for higher temperature
calculations. The COSMO-RS6 is another widely used continuum solvationmodel that combines both quantum and
statistical mechanics to predict solvation thermochemical properties for any solutes in a wide variety of solvents. The
COSMO-RSmodel accounts for the temperature dependence of solvation properties both implicitly through statistical
thermodynamics and explicitly through temperature dependent parameters for liquid-gas transfer, van der Waals
forces, and hydrogen bonding and thus can calculate these properties as a function of temperature.14 However since
the assumptionsmade in the explicit temperature dependence correlations are relatively simple, the predictions are
most accurate near room temperature and the error is expected to increase as the temperature significantly deviates
from 298 K.

Whatever the adopted strategy, trade-offs between accuracy, computational expense, and range of compatible
molecules must be navigated. In this work we demonstrate a method for predicting the temperature dependent
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solubilities, and hence solvation free energies, of neutral solutes in dilute solvent systems. We believe that such a
method is particularly useful for applications where the speed of property calculation is more important than extreme
accuracy. The automatic creation of detailed chemical mechanisms is one such application with these needs. However,
themethod can be of use to anyone that seeks to predict solute partitioning or solvation thermochemistry for systems
at elevated temperatures if corresponding high temperaturemeasurements are not available.

Themethod involves fitting a piecewise function to predicted Gibbs free energies and enthalpies of solvation at
298 K. It provides an estimate of the vapor-liquid equilibrium ratio and solvation energy up to the critical temperature
of the solvent. Infinite dilution conditions are assumed. Further, the pressure dependence of solvation properties is
neglected in this technique, limiting themethod tomoderate and low pressure systems. Significant error is anticipated
for high pressure systems or systemswith large solutemolecules for which the pressure dependence of solvation can
be significant.15

RELEVANT SOLVAT ION THERMODYNAMIC RELAT IONSH IPS

| Definitions and Functional Forms of Temperature Dependence

Gas solubilities in solution are commonly expressed in terms of a Henry’s constant, kH . The Henry’s constant of a solute
(component 2) in a solvent (component 1) at temperatureT and pressure P is defined by16

kH(T , P ) = lim
x2→0

f2(T , P , y2)

x2
(1)

where f2 , y2 , and x2 are the fugacity, vapor phasemole fraction, and liquid phasemole fraction of the solute respectively.
If the vapor phase is dilute enough, non-ideality becomes negligible and the fugacity of the solute is equal to the partial
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pressure of the solute and the Henry’s constant becomes

kH(T , P ) ≈ lim
x2→0

P y2
x2

(2)

Another related term is the K-factor, K2,1, which is also known as the vapor-liquid equilibrium ratio. It is defined as the
ratio of the equilibriummole fractions of the solute in the gas and liquid phases

K2,1(T , P ) =
y2
x2

(3)

At infinite dilution of the solute, K-factor becomes

K∞2,1(T , P ) = lim
x2→0

y2
x2
≈
kH
P

(4)

In 1989, Japas and Levelt Sengers derived an asymptotic relationship for infinite dilution K-factor (K∞2,1) near the sol-
vent’s critical temperature,Tc, based on first principles:16
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T ∗ ln(K∞2,1(T )) = D
(
ρl1(T )
ρcrit,1

− 1

)
(5)

where ρl1, ρcrit,1, and D each represent the molar density of the pure liquid-phase solvent at the solvent’s saturation
pressure, the critical molar density of the pure solvent, and an empirical parameter. T ∗ is the reduced temperature,
T
Tc . The K-factor in this relationship was calculated along the solvent’s saturation curve and thus is only a function of
temperature.17 A number of studies have revealed that this asymptotic linear behavior is ubiquitous in dilute solution
systems and can be extended from the critical temperature to temperatures as low as 400 K for some systems.18,19

Harvey later proposed a semi-empirical 3-parameter correlation for Henry’s constants18

ln
(
kH(T )
P sat1 (T )

)
=
A

T ∗
+ B
(1 −T ∗)0.355

T ∗
+ C

exp(1 −T ∗)
(T ∗)0.41

(6)

where P sat1 is the solvent’s saturation pressure, andA, B , andC are empirical parameters specific to the solvent-solute
pair. Henry’s constant in this equation is also calculated at the solvent’s saturation curve and therefore only a function of
temperature. Harvey’s equation provides more accurate estimations for a wider temperature range from around 298 K
to close to the critical point.18 The only caution is that it should not be used for temperatures within 1% of the solvent’s
critical point. However, themethod requires experimental data across the temperature range to fit 3 parameters for
each solute-solvent pair, and these data are usually unavailable. Moreover, the accuracy of the correlation can vary
depending on the abundance and quality of the typically scarce data.
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If ideal gas behavior of the solute is assumed at dilute limit, equation (6) becomes

ln
(
K∞2,1(T )P

P sat1 (T )

)
=
A

T ∗
+ B
(1 −T ∗)0.355

T ∗
+ C

exp(1 −T ∗)
(T ∗)0.41

(7)

which holds for any gas mixture and total pressure P as long as all the dissolved gases are in the dilute limit. If the
K-factor is evaluated along the solvent’s saturation curve, the pressure terms, P and P sat1 , cancel out.

| Predicting Solvation Properties at 298 Kwith LinearModels

Other recent studies on solvation thermochemistry have focused on developingmodels to predict gas-liquid equilibria
at room temperature. The Abraham linear solvation energy relationship (LSER) method uses solute and solvent parame-
ters, represented by the uppercase and lowercase letters respectively, to estimate the partition coefficient4

log10 K (298K) = c + eE + sS + aA + bB + l L (8)

where the partition coefficient is the ratio of equilibrium concentrations of the solute in liquid and gas phases.

K =
c2,liquid
c2,gas (9)
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Numerous solute and solvent descriptors have been tabulated based on experimental data.4,20,21,22 The descriptors of
missing solute species can be obtained from the group additivity method devised by Platts et al.23 or other resources
such as UFZ-LSER database.24

The free energy of solvation for a dilute solute can be calculated from its equilibrium concentration in the gas and
liquid phases. In thiswork, we define the solvation free energy as a change in theGibbs free energy of a solute associated
with the transfer of a solutemolecule from a dilute gas phase into a dilute liquid phase at constantT and P . Both gas and
liquid phases in this solvation process are binarymixtures of a solvent and a solute. By using the standard-state of the
gas and solution at equal and dilute solute concentrations similar to the Ben-Naim standard state,25 one can directly
calculate the free energy of solvation with equation (10).

∆G ∗solv = −RT ln(K ) (10)

At dilute limite, solvation free energy can be related to the K-factor using the pure solvent’s properties:

∆G ∗solv = RT ln
(
K∞2,1ρ

g
1

ρl1

)
(11)

where ρg1 is themolar density of the pure gas-phase solvent.
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Another linear solvation energy relationship (LSER) method has been developed by Mintz et al.5 and uses the
solvent and solute descriptors to estimate the enthalpy of solvation,∆H ∗solv, at 298 K.

∆H ∗solv(298K) = c′ + e′E + s′S + a′A + b′B + l ′L (12)

∆S∗solv(298K) =
∆H ∗solv(298K) − ∆G ∗solv(298K)

298K = −
d∆G ∗solv
dT

���
T =298 K (13)

These relationships provide widely applicable, quickly calculable values for solvation properties at 298 K.

| Temperature ExtrapolationMethods

Solvation free energies at other temperatures are often extrapolated by assuming constant∆H ∗solv and∆S∗solv.

∆G ∗solv(T ) ≈ ∆H ∗solv(298K) −T ∆S∗solv(298K) (14)
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Coupled with methods to estimate the solvation enthalpy and entropy at 298 K, this represents a rapid, first-order
approximation of the temperature dependence of solvation free energy.26 However, since the actual solvation enthalpy
and entropy vary with temperature, this approximation is only applicable for temperatures near 298 K.

A variation of the Van’t Hoff Equation can also be used to extrapolate Henry’s Law constants as suggested by Smith
and others.27,28

kH(T )
kH(298K) ≈ exp

(
∆H ∗solv(298K)

R

( 1

298K −
1

T

))
(15)

METHODS

| The Piecewise Function

Our proposedmethod centers around the fitting of a four parameter piecewise function that predicts K-factors as a
function of temperature. The low temperature piece of the function has the three parameter form recommended by
Harvey18 while near the critical temperature the function is constructed according to the work of Japas and Levelt
Sengers which has a single parameter.16 The transition point between themwas set empirically based on the validation
set to 0.75 of the critical temperature of the solvent. The two functions are shown below in equation (16) and (17)

K∞2,1(T 6 0.75Tc) = exp
(A + B(1 −T ∗)0.355 + C (T ∗)0.59 exp (1 −T ∗)

T ∗

)
(16)
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K∞2,1(0.75Tc 6 T < Tc) = exp
(
D

T ∗

( ρl1(T )
ρcrit,1

− 1
))

(17)

where ρl1, the molar density of the pure liquid-phase solvent, is evaluated at the solvent’s vapor pressure such that only
the temperature dependence of the K-factor is considered.

We note that the piecewise structure of this prediction method is needed rather than simply extrapolating the
linear part of Harvey’s correlation at high temperature because the slope produced by such extrapolation deviates from
the true asymptotic slope near the critical point as observed by Harvey et al.29

| Solving for the 4 Parameters

We obtain two equations by forcing the two pieces of the piecewise function to match in value and gradient at the
transition temperature:

A + B(1 −T ∗tr)0.355 + C (T ∗tr)0.59 exp (1 −T ∗tr) = D
( ρl1(Ttr)
ρcrit,1

− 1
)

(18)
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−
0.355B

Tc (1 −T ∗tr)−0.645 +
C exp (1 −T ∗tr)

Tc
(
0.59(T ∗tr)−0.41 − (T ∗tr)0.59

)
=

D

ρcrit,1
dρl1
dT

���
T =Ttr

(19)

where T ∗tr is the reduced temperature at the transition point (T ∗tr = Ttr/Tc), and the transition temperature, Ttr, is
empirically chosen as 0.75Tc as previously mentioned.

Two additional equations can be obtained from either experimental data or linear solvationmodels. In this work,
we used the Abraham4 andMintz et al.5 LSERs to estimate the solvation free energy and enthalpy and calculate the
K-factor and its temperature gradient at 298 K:

A + B(1 −T ∗298 K)0.355 + C (T ∗298 K)0.59 exp (1 −T ∗298 K) = T ∗298 K lnK∞2,1(298K) (20)

−
0.355B

Tc (1 −T ∗298 K)−0.645 +
C exp (1 −T ∗

298 K)
Tc

(
0.59(T ∗298 K)−0.41 − (T ∗298 K)0.59

)
=
d

(
T ∗ lnK∞2,1(T )

)
dT

���
T =298 K (21)

whereT ∗
298 K is the reduced temperature at 298 K (T ∗298 K = 298K/Tc). The K-factor is calculated from the solvation free
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energy by using equation (11), and the temperature gradient of the K-factor is calculatedwith finite differences from
the enthalpy at 298 K.We used the Abraham andMintz parameters obtained from Solvation Database in RMG30 andM.
H. Abraham through personal communication.31 The Abraham parameters of themissing solutes are estimated by the
Platts group additivity method implemented in RMG.23

By solving equations (18) - (21), we can find the four parameters (A, B ,C , andD ) of the piecewise function. This is
an independent linear systemwith respect to the parameters and can be easily solved with a linear equation solver. All
solvent’s properties including the liquid-phase density and gas-phase density used in equation (11) are evaluated at
the solvent’s saturation pressure using CoolProp.32 CoolProp is a free fluid modeling software based on Helmholtz
energy equations of state. It provides accurate estimations of fluid properties over the wide ranges of temperature and
pressure for a variety of fluids. The temperature gradient of the solvent’s liquid-phase density in equation (19) is also
computed fromCoolProp using the finite differencemethod.

A sample code that uses ourmethod is located at https://github.com/ReactionMechanismGenerator/RMG-Py/
tree/master/ipython/temperature_dependent_solvation_free_energy.ipynb. A simple web-based calculator
is also available on https://rmg.mit.edu/database/solvation/search/.

| Standardization of Data forModel Validation

Experimental data on vapor-liquid equilibrium (VLE) are usually given in x2, y2,T , and P , and therefore we have chosen
to compare K∞2,1P up to the critical temperature for model validation. Note that this metric is equivalent to both y2

x2
P

for experimental data where P is the experimental pressure and K∞2,1P sat1 for our model along the saturation curve.
Although these two notations use different pressures and the experimental K-factors are not at infinite dilution, wewill
refer to both these values as K∞2,1P for simplicity. Some experimental data were given only in Henry’s constants (kH),
and it was often unclear how they were determined. We assumed that these values are most likely referring to y2

x2
P and

directly compared themwith our estimated K∞2,1P sat1 .

Since K-factors are less intuitive to compare and other existing methods predict solvation free energy, we have
also chosen to compare solvation free energy. For our method, we calculated solvation energies from predicted K-
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factors using equation (11). All relevant solvent properties were evaluated at the solvent’s saturation pressure. The
experimental VLE data (x2 , y2 ,T , and P ) were converted to solvation energies using the same equation, but the solvent’s
gas-phase density was evaluated at experimental pressure instead of at saturation pressure. We assumed negligible
pressure effect on liquid density and used the solvent’s saturated liquid density for experimental data conversion. The
gas densities for a few experimental points could not be solved by the equations of state employed in CoolProp and
these points were omitted from experimental solvation energy data. The omitted data are listed in the Supporting
Information.

For the experimental data given as kH, experimental P was not known. Therefore, we approximated solvation free
energy using ideal gas law

∆G ∗solv ≈ RT ln
(
kH
RT ρl1

)
(22)

where ρl1 was evaluated at the solvent’s saturation pressure. The ideal gas assumption would no longer be valid at high
pressure and this may cause some error in high temperature regions where pressures are high.

We also examined the error introduced by using ideal gas assumptions when converting K-factors to solvation
energies. In order to do so, solvation energies were calculated from the predicted K-factors using the ideal gas density
as shown in equation (23) and comparedwith those calculated with non-ideal gas densities.

∆G ∗solv ≈ RT ln
(
K∞1,2P

sat
1

RT ρl1

)
(23)
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Themethods and assumptions used to standardize the data to K∞2,1P and solvation free energies are summarized in
the Supporting Information.

| COSMO-RS Calculations

TheCOSMO-RS calculationswere performed using the softwareCOSMOthermversion 1901.33 Solvation free energies
were computed from room temperature to near critical temperatures of solvents on bothBP/TZVPandBP/TZVPD-FINE
levels of theory. These calculations were done for the solute-solvent pairs whose pre-calculated quantum chemical re-
sults were available in the default COSMOtherm database. No quantum chemical COSMOcalculations were performed
in this work.

RESULTS

We calculated temperature dependent K-factors for 47 solute-solvent systems and compared themwith the exper-
imental data and predictions based on the Van’t Hoff equation (equation 15). These experimental data were largely
compiled in the DortmundDatabank integrated in SpringerMaterials34 with detailed references to the original sources
contained in the Supporting Information. TheHenry’s law constants (kH) estimated from the Van’t Hoff equation are
approximated as K∞1,2P for comparison. We also compared predicted solvation free energies with the experimental data
and predictions based on the Van’t Hoff equation (equation 15 and equation 22), constant enthalpies and entropies
(equation 14), and COSMO-RS TZVP and TZVPD-FINEmethods (for 42 and 41 pairs with the BP/TZVP and BP/TZVPD-
FINE levels respectively). The solvation free energies at 298 K obtained fromMinnesota Solvation Database (MNSOL)
version 201235 are also plotted alongwith other experimental data for the available solute-solvent pairs. The three
extrapolatingmethods (the Van’t Hoff, constant enthalpies and entropies, and our proposedmethod) were performed
using∆G ∗solv(298K) and∆H ∗solv(298K) estimated from the Abraham andMintz LSERs.
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Figure 1 shows the results for 5 binary systems. The proposed method in Figure 1 uses non-ideal gas densities
to compute solvation energies from the predicted K-factors (equation 11). The proposed strategy is superior to the
other listedmethods for most of the solvent/solute pairs, especially at elevated temperatures. The detailed results for
all 47 solute-solvent pairs, including the plots for ln(K∞2,1)without the pressure term, can be found in the Supporting
Information.

We calculated solvation energies using ideal gas densities as well and compared these with themore exact non-
ideal calculations in Figure 2 for the same 5 binary systems. Note that for both non-ideal and ideal methods, solvation
energies were calculated from the same K-factors, and the difference only arises from employing different gas densities
of the solvent for the conversion between K-factor and solvation energy (using equation 11 for non-ideal densities and
equation 23 for ideal gas densities).

We can quantitatively describe the accuracy of thesemethods with the deviation between the experimental data
andmethod predictions. Table 1 below shows summary statistics for the comparison ofmethods. Figure 3 is a histogram
of the root mean squared deviation between experiment and estimate using our proposedmethodwith non-ideal gas
densities and the COSMO-RS software at the BP/TZVPD-FINE level of theory.

Full information on the sources, types of experimental data used, maximummole fractions, andmaximum ratios of
experimental pressure to saturated pressure is presented in the Supporting Information. The fitted parameters for all
47 solute-solvent pairs can be found in the Supporting Information as well. The original VLE data can be obtained from
SpringerMaterials.34

D I SCUSS ION

Across a wide diversity of molecular properties in both solvents and solutes in our test sets, the general behavior of the
K-factors and solvation energies is seen to be fairly consistent. This suggests that the phenomena governing solvation is
constant regardless of the nature of the individual solutes or solvents.

In one sense the method we propose can be thought of as a very nuanced extrapolation from known solvation
properties at 298 K to the critical point. However, this extrapolation is done with knowledge of the typical shape of
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the K-factor/temperature curve and enforcing the correct asymptotic behavior near the critical point, rather than just
naively assuming constant parameters. As a result, while other extrapolationmethods start to deviate as temperature
increases, our method approaches a correct limit.

Our strategy estimates the K-factors along the solvent’s saturation curve. However, the validating experiments
contain data whose pressure deviates significantly from the vapor pressure occasionally up to a factor of approximately
13 (see the Supporting Information). The continued accuracy of our ln(K∞1,2P ) and solvation energy predictions at
these pressures seems to suggest that ourmodel has predictive power across a range of pressures. Yet, this is a risky
presumption tomake. Most of the pressure deviation was observed at low temperatures where the pressure was also
generally lower. Ourmethod forces the predicted K-factor tomatch the value and gradient estimated from theAbraham
andMintz LSERs at 298 K, and these LSERs were developed based on the empirical data measured at atmospheric
pressure. Therefore, our method is guaranteed to match with the experimental data near 298 K where most of the
pressure deviation occurred. If the experimental pressure were to considerably deviate from the saturation pressure at
elevated temperatures, thenwewould expect our estimation to be less accurate. In addition, caution should bemade
when employing this method with large solute molecules since it has been observed that pressure effects becomemore
significant as themolar volume of the solute increases.15

From Figure 1 examining the proposedmethod, the relative errors in ln(K∞1,2P ) and solvation energy are generally
similar for each solvent-solute pair. However, this is not always the case. In cases where the experimental pressure is
greater than the saturation pressure of the solvent by even a small factor within 10% of the critical temperature, the sol-
vent’s gas phase density at saturation pressure starts to deviate considerably from the density at experimental pressure.
This causes the solvation energy to deviate even though the predicted K-factors match well with the experimental data.
Four of the forty seven solvent-solute pairs have been found to exhibit such behavior and are highlighted in Figure 4.
The experimental conditions that correspond to these outliers are listed in Table 2. However, note that the experimental
solvation energies are estimatesmade using the solvent’s densities calculated from theHelmholtz equations of state
with dilute assumptions. These equations of state were not able to calculate the gas-phase densities for some of the
experimental conditions, including three of the four pairs shown in Figure 4 (see the Supporting Information), either due
to non-dilute conditions of experimental data or limitation of the equations of state themselves. This, in addition to the
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pressure effect, may have contributed to the discrepancy between the accuracy of ln(K∞1,2P ) and solvation energy.

The comparison between the non-ideal and ideal gas density methods shown in Figure 2 reveals close agreement at
low temperature and noticeable difference at high temperature near the critical point. The result meets our expectation
as the ideal gas law is expected to fail at high pressure. Nonetheless, the method based on ideal gas density gives
reasonably good solvation energy estimation for most of the temperature range and can be a useful alternative when
the exact gas density is not known.

We also note that some of the solutes are expected to react or ionize in water. For example, carbon dioxide would
be expected to equilibrate between the dissolved gas and carbonic acid. However, at equilibrium the amount existing in
a state that is not the dissolved gas is expected to be insignificant36 for a partial pressure of carbon dioxide greater than
around 1000 Pa and as suchwas ignored in this treatment. Some other species, such as acetic and formic acid, while
generally at concentrations high enough that the vast majority of the solute is not ionized, might have some data that
are affected by ionization. Some hydrocarbons pyrolyze at significant rates below their critical points, and others might
hydrolyze or hydrate. Care should be exercised whenmaking predictions about these or other species that react upon
solvation.

Althoughwe compared the predicted values to the experimental data of binary systems only, we believe that our
methodwill work for any gasmixtures dissolved in a single solvent in dilute limit. Additional errors are expected if any of
the high concentration gases in themixture are highly soluble in the solvent since this may violate the dilute solution in a
pure solvent assumption. Nevertheless, the validating set includes experimental data in which the solute mole fractions
in solvents deviate from dilute limit and reach as high as 0.4 in some cases (see the Supporting Information). No obvious
correlation between the error and the solute mole fractions in solvents was found in our validation set, but the caution
should bemadewhen applying the proposedmethod to non dilute systems.

Note also that one could extract estimates of temperature dependent solvation entropy and enthalpy from the
predicted free energy.



CHUNG ET AL. 19

∆S∗solv(T ) = −
d∆G ∗solv
dT (24)

∆H ∗solv(T ) = ∆G ∗solv −T
d∆G ∗solv
dT (25)

We are not able to assess the reliability of these estimates due to the lack of validation data for ∆H ∗solv and ∆S∗solv at
high temperatures.

CONCLUS IONS

Wehave developed amethod for predicting the temperature dependence of K-factors and solvation free energies for
neutral solutes that balances speed and accuracy. This method outperforms existing low-cost extrapolationmethods.
Webelieve that thismethodwill be especially appropriate in the automatic generation of liquid phase detailed chemistry
models where the rapid estimation of properties is of paramount importance.
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F IGURE 1 A comparison of predictionmethods on five solute-solvent pairs. The plots on the left and right columns
show the temperature dependent ln(K∞1,2P ) and solvation free energy (∆G ∗solv) respectively. All plots use the samelegend. The proposedmethod uses the non-ideal gas density of the solvent for the conversion of K-factor to solvation
energy. Experimental data: Carbon dioxide in water,18 2-Propanol in
water373839404142434445464748495051525354555657585960613462,63 Ethylbenzene in benzene6465,66 1-Butanol in
toluene6768697071,72 Pentane in ethanol737475
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F IGURE 2 A comparison of solvation free energies (∆G ∗solv) calculated using non-ideal and ideal gas densities onfive solute-solvent pairs. The proposedmethod refers to the one using non-ideal gas density. Experimental data:
Carbon dioxide in water,18 2-Propanol in water373839404142434445464748495051525354555657585960613462,63
Ethylbenzene in benzene6465,66 1-Butanol in toluene6768697071,72 Pentane in ethanol737475
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F IGURE 3 A histogram of the root mean squared deviation of solvation free energies (∆G ∗solv) in kJ/mol betweenexperiment and estimate for the proposedmethod using non-ideal gas density and the COSMO-RS BP/TZVPD-FINE
model.
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F IGURE 4 The cases where the predicted ln(K∞1,2P ) agrees with the experimental data and the predicted solvation
energy (∆G ∗solv) does not. All plots use the same legend. Experimental data: 2-Propanol in heptane76777879,80 Pentanein heptane8182,83 2-Propanol in hexane84858679878889,90Methanol in
acetone9192939495969798991001011021031041059710610710898109110111112
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TABLE 1 A comparison of the root mean squared deviation andmean absolute deviation of the predicted solvation
free energies (∆G ∗solv) for each extrapolation and predictionmethod (kJ/mol). Each solute and solvent pair is weightedequally.
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TABLE 2 The experimental conditions for the solvation energy (∆G ∗solv) outliers.


