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Abstract 

Liquid water at temperatures above the boiling point and high pressures, also known as pressurized 

hot water, or subcritical water (SBCW), is an effective solvent for both polar and non-polar organic 

solutes. This is often associated to the decrease of water's dielectric constant at high temperatures, 

apparently allowing water to behave like an organic solvent. The decrease of the solubility at high 

pressures, in turn, is explained by a mild increase of the dielectric constant of water. Nevertheless, 

the relationship between the dielectric constant of water, hydration, and the solubility of polar and 

non-polar molecules in SBCW, remains poorly understood. Here, we study through molecular 

dynamics, the hydration thermodynamic parameters and the solubility of non-polar and polar 

aromatic model systems, for which a solubility increase in SBCW is observed. We show that the 

temperature dependence of the hydration free energy of the model non-polar solutes is non-

monotonic, exhibiting a solute size independent maximum at ~475 K, above which hydration 

becomes entropically favorable and enthalpically unfavorable. The monotonic increase of the 

solubility, separated here in hydration and vaporization or sublimation components of the pure 

liquid or solid solute, respectively, is, in turn, related to the temperature increase of the latter, and 

only to a minor extent with the decrease of the hydration free energy above ~475 K, via the 

hydration entropy. A solubility increase or decrease is also found at high pressures for different 

solutes, explained by the relative magnitude of the hydration and the vaporization or sublimation 

components of the solubility. For the model solid polar system studied, the hydration free energy 

increases monotonically with the temperature, instead, and the solubility increase is caused by the 

decrease of the sublimation component of the solubility. Thus, despite of the observed increase of 

the hydration free energy with pressure, related to the entropic component decrease, our results 

indicate that the dielectric constant plays no significant role on the solubility increase of non-polar 

and polar solutes in SBCW, opposite to the dielectric constant picture. The structure of water next to 

the solutes is also investigated and a structural enhancement at room temperature is observed, 

resulting in significantly stronger pair interactions between a water molecule and its third and fourth 

nearest water neighbors. This structural and energetic enhancement nearly vanishes, however, at 

high temperatures, contributing to a positive hydration entropy. 
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I. Introduction 

Water above the boiling point and at pressures sufficiently high (i.e., above saturation 

pressure) to keep water in the liquid state, aka, pressurized hot water or subcritical water (SBCW), 

is an effective solvent in extraction processes because of its dissolving power of both polar and non-

polar organic compounds.1–5 This constitutes a promising green selective extraction method for 

non-polar and polar substances, through the variation of the temperature and pressure, avoiding the 

use of toxic organic solvents, and therefore, especially relevant to the pharmaceutical industry3,6. 

The dissolving power of SBCW has long been related to the decrease of the dielectric 

constant of water with the temperature, approaching the dielectric constant of common organic 

solvents1–5,7,8. For instance, at 298 K and 1 atm, the dielectric constant of water9 is 78.46; at 100 

atm this value is 78.85, whereas at 498 K and 100 atm, the dielectric constant decreases to 31.13, 

already lower, for instance, than the dielectric constant of methanol (33.1)10 at 298 K and 1 atm (see 

Fig. 1 of ref. 3 for a mapping of the temperature dependence of the dielectric constant of water to 

that of different solvents).  

This picture, hereinafter referred to as the dielectric constant picture (DCP), foresees that as 

the temperature is increased the polarity of water molecules decreases, enhancing the solubility of 

non-polar solutes and reducing that of polar molecules3. This statement reflects the well-known 

“like dissolves like”. The decrease of the solubility of many non-polar molecules at high pressures 

is also apparently consistent with this picture, since the dielectric constant of water increases with 

pressure.2 The solubility of many organic molecules bearing polar groups is also observed to 

increase in SBCW and has also been rationalized, either by the decrease of the dielectric constant 

or, similarly, by a more broken hydrogen-bond (HB) network2,3,11,12. However, the temperature 

dependence of the solubility of various solutes has been shown to be significantly larger than the 

temperature dependence of the dielectric constant of water13 and some solutes (e.g. benzene, 1,8-

cineole) exhibit a solubility minimum, opposing this picture.11,3 In addition, the solubility of some 

aromatic solutes increases at low pressures and decreases at large pressures14, whereas the dielectric 

constant increases monotonically with the pressure. These observations cast doubts on the role of 

the dielectric constant on the solubility of non-polar and polar organic solutes. Furthermore, the 

relationship between the dielectric constant, the hydration thermodynamics, and the temperature 

and pressure dependence of the solubility remains elusive. Understanding this relationship is key to 

the development of accurate models15–17 allowing predicting the solubility of different solutes at 

room temperature and in SBCW.3,4 

The hydration enthalpy of any solute is in general negative, favoring solubility, whereas the 

entropy is negative, exerting the opposite effect. The first is governed by solute-solvent attractive 

interactions with a contribution from the reorganization of water's HB network upon solute 



4 
 

insertion, while the latter is related to the reversible work of formation of a cavity for inserting the 

solute, with a contribution from the reorganization of water's HB network.  

For non-polar gases such as rare gases and various gaseous aliphatic hydrocarbons at room 

temperature, extensively studied experimentally18–21 and through theoretical and simulation 

methods22–29, the hydration free energy is positive at room temperature because the magnitude of 

the entropic term exceeds that of the hydration enthalpy, dominated by solute-solvent attractive 

dispersion interactions. The solvent excluded volume, connected to the formation of the solute’s 

cavity, results in a reorganization of water's HB network. The nature of the former has been 

debated, with some studies indicating a tetrahedrality enhancement of some water molecules in the 

first coordination sphere of hydrophobic solutes and groups30–36, and others reporting opposite 

observations37–40. The enthalpy and entropy contributions associated with the reorganization of 

water's HB network to the hydration free energy have been shown to nearly compensate, thus not 

influencing the hydration free energy and, therefore, the solubility41–47. The solubility of non-polar 

gases decreases at high temperatures, reaching a minimum below the boiling point of water, and 

monotonically increasing up to the critical temperature.19,26  

Non-polar aromatic solutes such as benzene, liquid at room temperature, are slightly more 

soluble than aliphatic hydrocarbons, with a negative hydration free energy at room temperature21,48–

51. The origin of this enhanced solubility has been debated, being either associated to benzene’s 

ability to accept water HBs21,49 or to benzene-water van der Waals interactions48,51. The solubility of 

benzene has a minimum around 290 K and 1 atm, increasing at high temperatures52, whereas the 

hydration free energy increases, becoming positive at temperatures around the boiling temperature 

of water21,48. The solubility of other simple non-polar aromatic substances such as naphthalene or 

anthracene exhibit a significant increase of the solubility in SBCW, explained by the decrease of 

water’s dielectric constant13,53,2,3. A large solubility increase is also observed for many other non-

polar as well as polar solutes3–5.  

Here, we study through molecular dynamics simulations and “alchemical” free energy 

calculations, the hydration thermodynamic parameters and solubility of benzene, naphthalene, 

anthracene, and gallic acid, in SBCW, aiming at understanding the effect of temperature and 

pressure on the hydration free energy, enthalpy, and entropy, as well as on the solubility of these 

model substances. Further, the structure and energetics of water next to the non-polar solutes is 

investigated. 

The remaining of the article is organized as follows: In Section II the methods used in this 

study are detailed, including the approach used to calculate the solubility, the hydration 

thermodynamic parameters, the dielectric constant of water, and the structure of water. The results 

for the hydration thermodynamic parameters and the solubility of the various model solutes are 
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discussed in Section III, along with the analysis of the structure of water in the coordination spheres 

of the solutes. In Section IV some conclusions are provided. 

 

II. Methods 

 

A. Solubility of Liquid and Solid Solutes in Water 

 Various approaches have been followed to compute the solubility of inorganic salts and 

organic molecules through molecular simulations (see 54–64 and references therein). Here, the 

solubility was calculated through an approach similar to that proposed by Thompson et al.54, and 

Ahmed and Sandler55, where the solubility of a liquid or solid solute A in water is calculated from 

its standard-state65 hydration free energy and the standard-state solvation free energy of A in A (i.e., 

the solute self-solvation free energy). The hydration free energy of a solute A, either solid or liquid, 

can be related to the solubility, s, by54, 

                                                    hyd ln lnA
P

G RT RT s
P

• 
∆ = − 

 
�

                                                       (1) 

where, 
A

P
•  is the equilibrium vapor pressure of A over pure A, P� is the pressure of an ideal gas at 1 

M, at the temperature of interest, and s is the aqueous solubility of A in molarity units. Thus, the 

solubility can be calculated from, 

                                                                hyd /G RTA
P

s e
P

•
−∆ 

=  
 

�

                                                             (2) 

Equations (1) and (2) assume the aqueous solution of A obeys Henry’s law, and, therefore, that the 

saturated solution is infinitely dilute. In spite of this approximation, eq. (2) has been shown to hold 

for various liquid and solid solutes.54,55,66,67 From eq. (2), solubility can be calculated from the 

hydration free energy and the pure solute A vapor pressure, which in turn can be obtained from the 

solute self-solvation free energy54,68. For liquid solutes the self-solvation free energy corresponds to 

transferring a single molecule of solute from the pure gaseous phase into the pure liquid phase, and 

is given by54,68, 

                                                              self ln A

A

P
G RT

P M

• 
∆ =  

 
�

                                                       (3) 

assuming ideal behavior in both phases and where MA is the equilibrium molarity of pure liquid A, 

which is obtained from the liquid density of A. The vapor pressure can, therefore, be calculated 

from, 

                                                           self /G RTliq

A A A
P P P M e

∆• = = �                                                         (4)                                                                                                          

and the aqueous solubility from eq.(2). Now, substituting eq. (4) into eq. (2), 
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                                    [ ]

hydself
( , )/( , )/

self hyd

vap hyd

( , )

ln ( , ) ln ( , ) / ( , ) /

ln ( , )

G T P RTG T P RT

A

A

s T P M e e

s T P M G T P RT G T P RT

s T P s s

−∆∆=

 = + ∆ + −∆ 

= +

                    (5) 

where vaps  and hyds  are vaporization and hydration related components of the solubility. Equation 

(5) expresses the dependence of the logarithm of the solubility on the self-solvation free energy 

(and MA) and the hydration free energy. Thus, solubility is favored by a large negative ∆Ghyd and a 

small (less negative) ∆Gself  (< 0). 

For a solid solute A the self-solvation free energy in the supercooled liquid can be calculated 

instead, and the solid vapor pressure corrected through the following expression55, 

                                                   ( )exp 1 /fussolid

A A m

S
P P T T

R

•
∆ 

= − 
 

                                                  (6) 

where, 
fus

S∆  is the fusion entropy, Tm is the melting temperature, 
A

P
•  is given by eq.(4), and eq.(3) 

corresponds now to the transfer of a single molecule of solute from the pure gaseous phase to the 

solid, approximated by the pure supercooled phase. Now, using, 

                                                          self ln
solid

solid A

A

P
G RT

P M

 
∆ =  

 
�

                                                          (7) 

  the solubility can be written as, 

                                     [ ]

hydself
( , )/( , )/

self hyd

sub hyd

( , )

ln ( , ) ln ( , ) / ( , ) /

ln ( , )

G T P RTG T P RT

A

A

s T P M e e

s T P M G T P RT G T P RT

s T P s s

−∆∆=

 = + ∆ + −∆ 

= +

                   (8) 

where MA is the molarity of solid A, approximated by the molarity of the supercooled pure liquid, 

and subs and hyds are sublimation and hydration related components of the solubility. Eq. (6) was 

used for the solid solutes with the following experimental values of 
fus

S∆ : Naphthalene 
fus

S∆ = 

53.21 J/molK69, Anthracene 
fus

S∆ =  59.2 J/molK69, and gallic acid, /
fus fus m

S H T∆ = ∆ = 119 

J/molK70,71; gallic acid appears to decompose upon melting72 and this value may, therefore, be 

subject to some uncertainty. 

 We note that, although the self-solvation free energy in the solid, rather than in the 

supercooled liquid, may be computed59,64, avoiding eq. (6), this requires knowledge of the crystal 

structure of the solutes at the thermodynamic states of interest. The latter, in turn, often includes 

different polymorphs, not always identified. We believe, however, the difference between these 

approaches should be small, relative to the inaccuracy associated with the use of the same force 

field for studying hydration and the pure solute supercooled liquid or solid phase. For the purpose 
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of this study, we will see that the latter should not influence our conclusions.      

The solubility, s, in eq. (2) in molarity units can be converted to mol fraction, 
S

x , often used 

to express solubility, by the following relation, ( )/ 1000 /S wx s s M= + , for a density of water equal 

to 1 g·cm-3 and where Mw is the molecular weight of water. The temperature and pressure variation 

of the density of water has a small effect on the solubility and therefore the last equation can be 

used to a good approximation. 

 

B. Simulation Details 

Molecular dynamics (MD) simulations of the following non-polar and polar solutes in water 

were performed with the Generalized AMBER Force Field (GAFF)73 and the TIP4P-Ew74 water 

model: benzene (Tm = 279 K; Tb = 353 K)69, naphthalene (Tm = 353 K; Tb = 490 K)69, anthracene 

(Tm = 490 K; Tb = 613 K)69, and gallic acid (Tm = 524.2 K)70,71, where  Tm and  Tb are respectively 

the normal melting and boiling temperatures. A larger melting temperature for gallic acid, Tm = 535 

K72, was also reported. Furthermore, since decomposition is observed upon melting72, as previously 

noted, gallic acid has no Tb. Thus, with exception of benzene the solutes studied are solid at room 

temperature and pressure. The polar system chosen was gallic acid because its solubility has been 

assessed experimentally, depicting an exponential increase in SBCW12,75,76 similar to that observed 

for many non-polar aromatic molecules. The dipole moment of gallic acid in the gas phase was 

estimated here at the MP277/cc-pvdz78 theoretical level and found to be 2.75 D. The experimental 

dipole moment of gallic acid could not be found in the literature.  

The force field was derived following the GAFF approach. The geometry optimizations and 

the Merz-Kollman79,80 charges were calculated with GAUSSIAN 0981. The geometries were 

optimized through DFT82,83 at the B3LYP84,85/cc-pvdz78 theoretical level and the atomic charges 

were calculated at the HF/6-31G* level with RESP86. Despite the TIP3P water model87 provides in 

general more accurate ∆Ghyd values, we chose the TIP4P-Ew model because it provides a more 

accurate description of liquid water. The GAFF force field with TIP4P-Ew, in turn, resulted in a 

more accurate ∆Ghyd for benzene at 298 K and 1 atm, than the OPLS-aa88, thus, defining our choice 

of the force field. 

The MD were performed with GROMACS 5.1.489. Typical SBCW extraction processes are 

performed at pressures between 1 atm and 100 atm. Thus, the hydration free energy of the solutes 

was calculated at temperatures ranging between 298 K and 598 K, at 1 atm and 100 atm. For the 

non-polar solutes, however, calculations were also performed at pressures ranging between 100 atm 

and 1000 atm – 2500 atm at a single temperature (398 K), to study the effect of pressure on the 

hydration thermodynamic parameters and solubility. The aqueous systems were comprised of a 
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single molecule of solute and 1000 water molecules in a cubic box with periodic boundary 

conditions. The dielectric constant (see Section II-D) was also calculated for pure TIP4P-Ew water 

at similar temperatures and pressures for a system comprised by 500 water molecules. The 

simulations of the pure solutes to calculate the self-solvation free energy were performed for 256 

molecules. For the pure water dielectric constant and the free energy calculations, the systems were 

first equilibrated for 100 ps in the NVT ensemble followed by 5 ns in the NpT ensemble. The 

dielectric constant was then calculated through block averaging over four independent simulations 

of 10 ns in the NpT ensemble. 

The equations of motion for the simulation of pure water and the equilibration of the 

aqueous solutions and the pure solutes were solved with the Verlet leap-frog algorithm with a 2 fs 

time-step for water and the aqueous solutions, and 1 fs for the pure solutes. The T and p were 

controlled with the thermostat of Bussi et al.90 and the Parrinello-Rahman barostat91. Electrostatic 

interactions were computed with the particle-mesh Ewald (PME) method92. A cut-off of 1 nm was 

used for non-bonded van der Waals and for the PME real space electrostatic interactions. Heavy 

atom-hydrogen covalent bonds were constrained with the LINCS algorithm93. 

 

C. Free Energy, Entropy, and Enthalpy Calculations  

While hydration free energies are generally difficult to assess experimentally, various 

methods have been proposed to calculate solvation free energies through molecular simulations.94–98 

Here, we performed “alchemical” free energy calculations with the Bennett acceptance ratio 

(BAR)99 method, as implemented in GROMACS, to predict both the hydration free energies and the 

self-solvation free energies involved in the calculation of the solubility through eqs (5) and (8). 

Alchemical free energy calculations are based on the definition of a parameter, λ, taking values in 

the interval [0,1],  allowing connecting the states A (λ=1) and B (λ=0) defined by the Hamiltonians 

,( );
A

r p λH  and ,( );
B

r p λH . The transition from state A, here the solute in water or in the pure 

liquid or supercooled liquid, and the state B, the solvent or the pure solute, is performed by a 

number (Nλ) of different values of λ corresponding to non-physical states. A decoupling approach 

was used for Nλ = 28 connecting the states A and B.  For Coulombic interactions decoupling, a ∆λ = 

0.05 was adopted. For the van der Waals interactions decoupling, a similar ∆λ was used with 

additional points separated by ∆λ = 0.025 at λ > 0.7. The free energy was further calculated 

including additional values of λ for Coulombic and dispersion interactions decoupling, for 

comparison purposes. The latter showed no significant differences for the various systems, 

indicating adequate sampling. Langevin stochastic MD100 was carried out and a soft-core potential 

was used for Lennard-Jones and electrostatic interactions to avoid numerical singularities at 
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terminal λ values, with α = 0.5, σ = 0.3, and a soft-core power of 1.96,101–104 The simulations for 

each λ consisted of a steepest descent energy minimization step, followed by a 0.5 ns Langevin 

NVT simulation, and a 1 ns Langevin simulation in the NPT ensemble, using the Parrinello-Rahman 

barostat91. The hydration free energy was then computed from two independent Langevin NPT 

simulations, 5 ns long, for each λ. For some temperatures, where larger differences were observed, 

up to 5 independent simulations, 5 ns long, were carried out.  

The entropy was calculated from, ( )hyd hyd ,
/

N P
S G T∆ = − ∂∆ ∂ , where hydG∆  was fitted to a 

second order polynomial, and the hydration enthalpy from, hyd hyd hyd  H G T S∆ = ∆ + ∆ . The entropy 

was also estimated from the numerical derivative of hydG∆ . The latter was found to be in qualitative 

agreement with that obtained from the quadratic polynomial derivative. For comparison purposes 

we also calculated the hydration enthalpy at different temperatures and pressures, through96, 

 

                            solution water solute( )
hyd hyd

H U p V U U U p V∆ = ∆ + ∆ = − + + ∆                    (9) 

 

where solutionU is the internal energy of the aqueous solution, waterU  is the internal energy of pure 

water at the same N, p, and T, soluteU is the internal energy of the solute in vacuum at the same T, and 

the last term is the pV work associated to the volume change in the hydration process. The 

calculation of hydH∆ through eq. (9) is hampered by the large fluctuations that characterize water-

water interactions. Here, hydH∆ , was calculated from ten independent trajectories, 10 ns long, for 

the aqueous solution, pure water, and the solute in vacuum. We note that every approach to find 

either hydH∆  or hydS∆ , suffers from limitations96,105 and, therefore, the latter are less accurate than 

hydG∆ .  

  

D. Dielectric constant 

For any rigid non-polarizable water model, such as that used in this study (TIP4P-Ew)74  the 

dielectric constant cannot decrease with the temperature via the dipole moment of the water 

molecules, which is constant, depending, therefore, only on the structure of the liquid, characterized 

by a lower tetrahedrality and an increasing number of broken HBs. The dipole moment of the water 

molecule in the gas phase is 1.85 D. The experimental dipole moment of liquid water is 2.9 ± 0.6 

D.106 That of the TIP4P-EW molecule is 2.32 D, whereas theoretical values between 2.3-3.1 D have 

been proposed for the dipole moment in the condensed phase107–120. The increased dipole moment 

of water in the bulk, relative to the gas phase, is caused by polarization effects induced by neighbor 
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molecules and intra-molecular geometry fluctuations connected to the formation of HBs. There is 

no experimental data on the variation of the dipole moment with the temperature (and pressure) in 

the liquid phase, although this is expected to decrease because of the lower number of HBs at high 

temperatures. A reduction of the dipole moment of water molecules is observed, however, through 

computer simulations, at high temperatures108,111 and in the liquid-vapor interface114,116,119, relative 

to the bulk, consistent with this view.  

The dielectric constant of water has been previously calculated for various water models121 

including the TIP4P-Ew water model122. The latter studies showed qualitative, and in some cases 

quantitative agreement with the experimental dielectric constant. We assessed the dielectric 

constant of TIP4P-Ew water between 298 K and 378 K at 1 atm and between 298 K and 598 K at 

100 atm, and at 398 K at pressures between 100 atm and 2500 atm. The dielectric constant was 

calculated from the fluctuations of the dipole moment of the system123, 
i i

i

q=∑M r , where 
i

q  and 

i
r  are, respectively, the charge and position of particle i, as,  

                                                       ( )224
1

3
B

k TV

π
ε = + −M M                                                    (10) 

where 
B

k is Boltzmann’s constant, V is the volume, and T is the temperature. 

Figure 1 shows that the dielectric constant of TIP4P-Ew water, although lower than ε of real 

water, decreases monotonically with the temperature and increases monotonically with the pressure, 

qualitatively consistent with the behavior of real water.  
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Figure 1 – (a) Temperature dependence of the dielectric constant, ε, of TIP4P-Ew water (this work) and real 
water9 at 1 atm and 100 atm, showing the decrease (increase) of ε with the temperature (pressure). (b) 
Pressure dependence of the dielectric constant of TIP4P-Ew water (this work) and real water9 at 398 K. Error 
bars are standard deviations calculated from 4 independent trajectories. 
 

Notice that any solubility increase (decrease) associated to the decrease (increase) of the 

dielectric constant of water with the temperature (pressure) must occur through a decrease 

(increase) of the hydration free energy and, therefore, through the increase of the shyd component in 

eqs (5) and (8). 

 

E. Solute-Water and Water-Water Structure 

The structure of water in the bulk and in the hydration shells (HSh) of the solutes was 

assessed through the calculation of the solute-water radial distributions functions (rdf), the local 

structure index (LSI)124, and the tetrahedrality125,126 of water. Further, distributions, P(O···On), of 
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the distance from each oxygen atom to the nth (n = 1 to 5) nearest oxygen atom of neighbor water 

molecules and the distribution, P(O···H), of the distance of each oxygen atom to the nearest 2 H 

atoms of neighbor water molecules, were calculated. The respective pair interaction energies, 

P(W···Wn), between a water molecule and its nth (n = 1 to 5) nearest water molecule were also 

computed. 

The LSI is defined by, 

                                                   
2

1

1
LSI ( )

n

i

i
n =

 = ∆ − ∆ ∑                                                      (11) 

where 1( )
i i

i r r+∆ = − , 
i

r  is the distance of molecule i from a central water molecule, ∆  is the ( )i∆  

average, 
1

1
( )

n

i

i
n =

∆ = ∆∑ , and water molecules are ordered around a central water molecule according 

to their distance, that is, 1 2 1 1... ... 3.7Å<
i i n n

r r r r r r+ +< < < < < < < . Although not assessing directly 

the tetrahedrality of water, larger LSI values are found for more tetrahedral water because of water 

exclusion in the region between the first (r ~ 3.3-3.5 Å) and second HSh, whereas a value close to 

zero is obtained for randomly distributed water molecules.124 The tetrahedrality was directly 

assessed through the calculation of the orientational order parameter125, q, in the rescaled form126, 

( )
3 4 2

1 1

3
1 cos 1/ 3

8 ij

i j i

q θ
= = +

= − +∑∑ , where 
ij

θ is the angle formed by the lines joining the O atom of a 

given water molecule and those of its nearest neighbors, i and j. The average value of q varies 

between 0 (ideal gas) and 1 (perfect tetrahedral HB network). This parameter requires that a water 

molecule has four nearest water neighbors. Thus, analysis of q may be misleading when water 

molecules closer to the solute than to the four nearest water neighbors are probed. These molecules 

cannot form up to four HBs and are not, therefore, tetrahedral.31 This is illustrated in Fig. 1-SI, 

which shows the distribution of the distance from each O atom to the fourth nearest O atom, 

P(O·· ·O4), in the bulk and in the first and second HSh of the carbon atoms of benzene. The water 

molecules with four or more water neighbors (4MWN) show a contraction of the O···O4 distance 

whereas those with less than four water neighbors (L4WN) exhibit a long distance tail, relative to 

bulk water. The second closest H atom of a neighbor molecule is also shifted to larger distances, 

relative to bulk water, and opposite to water molecules with 4MWN (see Fig. 1-SI). Thus, we 

restrict the tetrahedrality analysis to water molecules with 4MWN in the first and second HSh of the 

carbon atoms of the solutes. However, energetic analysis, P(W···Wn), is performed for water 

molecules with 4MWN and L4WN. 
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III. Results and Discussion 

A. Hydration Free Energy, Enthalpy, and Entropy 

Figure 2 depicts the hydration free energy, entropy, and enthalpy of benzene aqueous 

solutions at 1 atm and 100 atm. ∆Ghyd increases with the temperature at 1 atm (Fig. 2a) up to the 

boiling temperature of water (the highest temperature simulated is actually already 5 K above the 

experimental Tb), consistent with experimental data. The negative ∆Ghyd at low temperatures is 

associated to the larger magnitude of ∆Hhyd, relative to T∆Shyd. However, above ~330 K an opposite 

trend is observed and ∆Ghyd becomes positive. Figure 2b shows that at 100 atm ∆Ghyd increases at 

low temperatures, similar to ∆Ghyd at 1 atm, because, despite of the increase of T∆Shyd, the 

hydration enthalpy increases at a faster rate, opposing hydration. However, at ~ 475 K, ∆Ghyd shows 

a maximum associated to a larger rate of increase of T∆Shyd, relative to ∆Hhyd, at high temperatures.  

The T∆Shyd increase with the temperature at 1 atm and 100 atm suggests a facilitated 

insertion of the solute in water, explained by the increasing number of broken HBs, enhancing the 

average distance between water molecules, and, thus, the size of voids in the liquid. The average 

nearest neighbor distance, 
1O Or ⋅⋅⋅ , provides a simple probe of the size of voids in the liquid, 

approximated by the spherical shell of volume, 
21

3
O O H O (4/3= ) ( )voidV r Vπ ⋅⋅⋅ − , where 

2H OV is the 

volume of a molecule of water approximated by a sphere. Figure 2-SI shows a shift of the 

P(O·· ·O1) distribution to larger distances and the appearance of a long tail at high temperatures, 

indicating the existence of larger voids in liquid water. Thus, the average distance increases from 

2.7 Å to 2.8 Å (
void

V∆ ~10 Å3), from 298 K to 598 K, whereas the distribution upper-tail “limit” 

increases from ~3.2 Å to ~4.5 Å (
void

V∆ ~240 Å3).  

The ∆Hhyd increase with the temperature, in turn, can be explained by the less favorable 

solute-water interactions, Usol-wat, (Fig. 3-SI), concomitant with the water depletion near benzene 

(Fig. 4-SI). The benzene-oxygen rdfs, depicted in Fig. 4-SI, show the collapse of the coordination 

spheres at high temperatures. Figure 3-SI also shows that solute-water van der Waals interactions 

are significantly more important than Coulombic interactions. The latter are related to the formation 

of ~1.5 HBs between benzene and water, nearly absent at high temperatures (Fig. 4-SI). 
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Figure 2 – Temperature dependence of the hydration free energy, ∆Ghyd, entropy, T∆Shyd, and enthalpy, 
∆Hhyd, in TIP4P-Ew water for benzene at (a) 1 atm and (b) 100 atm. Experimental hydration free energies21,48 
are shown. The solid black curves are fits to a quadratic polynomial used to calculate ∆Shyd. (c) Comparison 
between ∆Ghyd, T∆Shyd, and ∆Hhyd at 1 atm and 100 atm. Free energy standard deviations from block 
averages are lower than 0.3 kJmol-1 for every temperature and lower than 0.1 kJmol-1 for most temperatures. 
 

We note that Usol-wat in Fig. 3-SI is the short-range component of the potential energy, since 
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the PME reciprocal space component of the electrostatic potential energy cannot be separated into 

solute-water and water-water components. However, calculation of Usol-wat using a spherical cut-off, 

rc = L/2, where L is the length side of the MD box, without PME, gives qualitatively similar results. 

Further, an increase of T∆Shyd and ∆Hhyd with the temperature, related to the reorganization 

of water's HB network is expected, because of water depletion near the solute. Despite these should 

nearly compensate, not significantly affecting the hydration free energy, they contribute to T∆Shyd 

and ∆Hhyd. The structure of water and its possible effect on the hydration entropy and enthalpy shall 

be discussed in Section III-C. 

Figure 2(c) compares the hydration thermodynamic parameters for aqueous benzene at 1 

atm and 100 atm. ∆Ghyd increases slightly with pressure and a lower (more negative) ∆Hhyd and 

T∆Shyd are observed at 1 atm, relative to 100 atm, at room temperature; 

hyd hyd hyd(298 K,1 atm) (298 K,100 atm)H H H∆∆ = ∆ − ∆  is ~ -3.0 kJmol-1. Larger ∆Hhyd, by ~10 

kJmol-1, were found through eq. (9) (see Table 1-SI). Furthermore, large fluctuations, related to 

water-water interactions, hamper the precision of hydH∆∆ . The difference between the solute-water 

potential energy at 1 atm, Usol-wat = -60.3±0.1 kJmol-1, and 100 atm, Usol-wat = -60.4±0.1 kJmol-1, in 

turn, is almost negligible and cannot account for the hydH∆∆ difference, suggesting the latter should 

be related instead with water-water interactions and with the ∆(p∆V) term, which was found to be ~ 

-0.84±0.04 kJmol.1. 

The negative entropic difference, hyd hyd hyd(298 K,1 atm) (298 K,100 atm)S S S∆∆ = ∆ − ∆ , in 

turn, cannot be accounted by the increase of the size of voids in the liquid, since a density increase 

is observed, without a re-organization of the HB network resulting in larger voids in the liquid. 

Hence, ρ = 0.995±0.0001 g·cm-3 at 1 atm and ρ = 0.999±0.0001 g·cm-3 at 100 atm whereas 
1O Or ⋅⋅⋅  is 

nearly identical (~2.700 Å). In addition, although T∆Shyd and ∆Hhyd increase with the temperature at 

both pressures, a crossover of T∆Shyd at ~330 K and of ∆Hhyd at ~345 K, between the 1 atm and 100 

atm curves, is observed. Thus, at high temperatures, T∆Shyd becomes less favorable and ∆Hhyd 

becomes more favorable at 100 atm than at 1 atm, and 

hyd hyd hyd(378 K,1 atm) (378 K,100 atm)H H H∆∆ = ∆ − ∆  is, therefore, positive, ~ +2.5 kJmol-1. This 

change of sign, in passing from 298 K to 378 K, could not be definitely established through eq. (9), 

because of large fluctuations, as previously discussed (see Table 1-SI). A negligible difference 

between the solute-water interactions at 1 atm, Usol-wat = -51.7±0.1 kJmol-1, and 100 atm, Usol-wat = -

51.9±0.1 kJmol-1, as well as between the average nearest neighbor distance (~2.720 Å), is also 

found at 378 K. Thus, the change of sign of ∆∆Hhyd should be mainly related to water-water 
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interactions. We stress, however, that the ∆Hhyd and T∆Shyd, displayed in Fig. 2, are less accurate 

than the ∆Ghyd, depending on the temperature range and the number of ∆Ghyd values used to fit the 

quadratic polynomial. 

We now extend the discussion to the naphthalene and anthracene aqueous solutions at 1 atm 

and 100 atm (see Fig. 3). ∆Ghyd decreases with the solute size, showing a solute size independent 

maximum at ~475 K. This contrasts with previous simulation results that predicted a positive 

hydration free energy difference between naphthalene and benzene and between anthracene and 

naphthalene at 300 K and 1 atm.50 Despite ∆Ghyd of the solutes was not calculated in that study, 

only the difference, the reason behind this inconsistency is not clear. Here, we found the following 

values for ∆Ghyd at 298 K and 1 atm: ∆Ghyd = -2.9 kJmol-1, ∆Ghyd = -5.6 kJmol-1, and ∆Ghyd = -9.6 

kJmol-1, for benzene, naphthalene, and anthracene, respectively. Although larger (less negative), 

these are in qualitative agreement with experimental data: ∆Ghyd = -3.6 kJmol-1 (ref.21) and ∆Ghyd = 

-5.4 kJmol-1 (ref.127) for benzene; ∆Ghyd = -9.6 kJmol-1 for naphthalene128; and ∆Ghyd = -17.7 kJmol-

1 for anthracene 128. Our results are also consistent with those previously obtained through MD for 

the OPLS-aa force fields and distinct water models64,128. 

The free energy maximum at ~475 K corresponds to a zero T∆Shyd 

( ( )hyd hyd ,
/ 0

N P
S G T∆ = − ∂∆ ∂ = ; see Fig. 3b), suggesting the existence of large voids in water at T ≥ 

~475 K, and thus, the reversible work of formation of a cavity for solute insertion is zero for the 

solute sizes studied. Hence, above 475 K the entropy should be governed instead by the 

reorganization of the HB network of water around the solute. This is further discussed in Section 

III-C. 

The decrease of ∆Ghyd with the solute size at low temperatures is associated to a lower 

∆Hhyd, whereas at high temperatures this is related, instead, to a larger T∆Shyd. Figure 3-SI shows 

that although Usol-wat decreases with the solute size at every temperature, the rate of increase of Usol-

wat at high temperatures increases with the solute size, reducing the differences between the solutes. 

Further, van der Waals interactions exhibit a larger decrease with the solute size, than Coulombic 

interactions, and the reduction of the Usol-wat differences at high temperatures is caused by a lower 

difference between the former, showing that Usol-wat is governed by van der Waals interactions. 

Nonetheless, this indicates that water-water interactions, and thus the HB reorganization around the 

solutes, play a significant and differential role, for different size solutes. 

The increase of T∆Shyd with the solute size above ~475 K is particularly interesting, 

suggesting that insertion of a large solute in water is entropically facilitated, over a small solute, at 

high enough temperatures. We surmise this is related with the HB reorganization around the distinct 
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solutes at high temperatures, supporting the idea that at high enough temperatures (> ~475 K) 

T∆Shyd is governed by the latter contribution to the entropy as above mentioned (see Section III-C). 

 

Figure 3 – (a) Hydration free energy, (b) entropy (T∆Shyd), and (c) enthalpy, at 100 atm for benzene, 
naphthalene, and anthracene. The free energies calculated at 1 atm at various temperatures are also shown. 
The solid curves in (a) at 100 atm are fits to quadratic polynomials used to calculate the hydration entropy 
shown in (b). Free energy standard deviations from block averages are lower than 0.3 kJmol-1 for every 
temperature and lower than 0.1 kJmol-1 for most temperatures. 
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We consider now the case of the polar system, gallic acid in water. Figure 4 shows that 

∆Ghyd of gallic acid increases with the temperature, both at 1 atm and 100 atm, in contrast with the 

non-polar solutes, and apparently consistent with the DCP, in that lower dielectric constant water is 

a poor solvent for polar solutes. Thus, the solubility increase of gallic acid12,75,76 with the 

temperature cannot be related neither to the dielectric constant decrease nor with a more broken HB 

network of water, as previously suggested12, but rather with the increase of the sublimation 

component of the solubility, related to the vapor pressure of the solid (see Section II-B). 

 

 

Figure 4 – Temperature dependence of the hydration thermodynamic parameters for gallic acid at 1atm and 
100 atm. Lines are fits to quadratic polynomials. 
 

B. Solubility 

Figure 5 shows the solubility of benzene, naphthalene, and anthracene in water at 1 atm and 

100 atm along with the hydration, shyd, and the vaporization, svap, and sublimation, ssub, components. 

The ∆Gself for pure benzene, naphthalene, and anthracene at 1 atm and 100 atm are displayed in Fig. 

6(a)-SI. We recall that the decrease of the dielectric constant of water can only influence the 

solubility through the hydration component, whereas svap and ssub depend on the vapor pressure of 

the pure solutes (see eqs (4) and (6)). A solubility minimum can be observed for benzene, although 

shifted to a larger temperature (~338 K), relative to the experimental minimum at ~290 K52,129. 

Furthermore, the general agreement with the experimental solubility is only qualitative, indicating 

that the force field and the approximations involved in the solubility calculation have limitations. 

For naphthalene and anthracene, a better agreement is found. We note that the solubility 

measurements were performed at variable pressure2,130, in contrast with our results. The former, 

however, are relatively low and have a minor effect on the solubility, as further demonstrated here.  

The solubility increase with the temperature, below ~475 K, is caused by the svap and ssub 
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components, whereas shyd decreases with the temperature, disfavoring the solubility. For T > 475 K 

the entropy increase (see Fig. 3) causes a decrease of ∆Ghyd, enhancing the shyd component of the 

solubility. The latter, however, is lower than the vaporization and the sublimation (except for 

anthracene) components and the solubility increase is still governed by svap and ssub. Hence, at 

temperatures below ~475 K the solubility increase is not related to the hydration free energy, and, 

therefore, to the decrease of the dielectric constant. For temperatures above ~475 K, hydration has a 

minor positive effect on the solubility, via T∆Shyd. These results contrast, with the DCP, which 

connects the solubility increase in subcritical water to the decrease of the dielectric constant of 

water with the temperature. Thus, the DCP foresees an enhancement of the solute-water 

interactions, related to a lower dielectric constant, and therefore a solubility increase via ∆Ηhyd, 

similar to polar, relative to non-polar solutes, in water at room temperature. Furthermore, despite 

the TIP4P-Ew water model is rigid and non-polarizable it predicts the correct rate of decrease of the 

dielectric constant with the temperature (see Fig. 1), indicating that geometry fluctuations and 

polarization effects should not change this picture. 

Figure 5 also shows that the solubility of the solutes slightly increases at 100 atm, relative to 

the solubility at 1 atm. This is consistent with experimental solubility data of various non-polar 

aromatic systems at moderate pressures, where a solubility maximum is observed14, and contrasts 

with the minor increase of the dielectric constant of water (see Fig. 1). This solubility increase is 

caused by the svap and ssub components, whereas shyd has the opposite effect. Thus, although the 

minor increase of ∆Ghyd and the decrease of shyd with pressure could be related to the increase of the 

dielectric constant (see discussion below), consistent with the DCP, a minor net increase of the 

solubility, related to the svap and ssub components, is observed. 
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Figure 5 – Temperature dependence of the solubility of benzene, naphthalene, and anthracene at 1 atm and 
100 atm. The molecular dynamics results are compared to the experimental solubility of benzene129,130, 
naphthalene131, and anthracene2. The solubility of naphthalene and anthracene from the semi-empirical 
correlation of ref.132 given in Table 2 of ref.3 are also shown.   
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To further investigate the pressure dependence of the solubility we calculated the solubility 

of benzene, naphthalene, and anthracene at 398 K at various pressures (see Fig. 6). The pressure 

dependence of ∆Ghyd and ∆Gself is shown in Fig. 7-SI. Interestingly, the solubility of benzene 

increases up to the highest pressure studied (2500 atm), consistent with experimental data133, 

whereas that of naphthalene and anthracene display a maximum at relatively low pressures (~250 

atm), similar to the solubility of other aromatic systems (alkylbenzenes)14. For naphthalene and 

anthracene at 298 K no solubility maximum is observed from experiments.134,135 However, the 

solubility between 1 atm and ~440-490 atm is not reported in those studies, and the solubility, 

relative to that at 298 K and 1 atm, exhibits a monotonic decrease up to pressures around 2000 atm. 

A decrease of the solubility of OPLS-aa naphthalene in SPC136 water with pressure, at 298 K, was 

also recently reported by Li et al.64. However, no solubility is reported between 1 atm and ~500 

atm. Here, in spite of a weak pressure dependence of the solubility a maximum is observed at low 

pressures for naphthalene and anthracene. Nonetheless, the possibility that this maximum could be 

an artifact of the force field or of the approximations involved in the calculations of the solubility 

cannot be ruled out. 

From Fig. 6, benzene seems to be an exception, with respect to the pressure dependence of 

the solubility. Nonetheless, the hydration component disfavors the solubility, for benzene, 

naphthalene, and anthracene, consistent with the DCP. Furthermore, the pressure dependence of the 

solubility is relatively small, in accordance with the mild increase of the dielectric constant of water 

with pressure. However, for benzene, svap increases at a faster rate than ssub for the larger (solid) 

solutes, relative to the hydration component, explaining the solubility increase. For naphthalene and 

anthracene, the maximum at 250 atm results from a higher rate of increase of the sublimation 

component, ssub, at low pressures. Thus, a decrease of the rate of increase of the sublimation 

component can be observed above 250 atm that causes the solubility to be governed by the 

hydration component, opposite to benzene. These results suggest, therefore, that opposite to the 

increase of the solubility at high temperatures and low pressures, the pressure dependence of the 

solubility of naphthalene and anthracene, could be, to some extent, related to the increase of the 

dielectric constant of water.  

The increase of ε with pressure can be rationalized through the volume reduction and the 

enhanced interaction between water molecules. Thus, although the water-water pair interaction 

energy between the nth (n = 1 to 4) first neighbors increases (less negative) with pressure, those 

between more distant neighbors (n > 4) decrease, resulting in a lower water-water potential energy 

(see Section III-C). We note that in spite of a lower tetrahedrality, weakening HBs, pressure does 

not cause a decrease of the number of geometric HBs in liquid water.137  A similar effect is observed 
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for the solute-water interactions (see Fig. 3-SI(b)), suggesting a decrease (more negative) of ∆Ηhyd 

with pressure. 

 
Figure 6 - Pressure dependence of the solubility of benzene, naphthalene, and anthracene at 398 K. 
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Thus, ∆Ghyd must increase via the decrease of T∆Shyd, as expected, since the size of voids in the 

liquid is significantly reduced at high pressures. This increase of ∆Ghyd with pressure, may, 

therefore, be mapped, to some extent, to the dielectric constant increase, since the latter is closely 

related to the volume decrease and water-water interactions, also linked with the reduction of 

suitable voids in the liquid for solute insertion. However, it opposes the more intuitive view, 

associated to the DCP, where the increase of the dielectric constant leads to an increase (less 

negative) of the solute-water potential energy, for non-polar molecules, increasing ∆Hhyd and ∆Ghyd, 

and, therefore, reducing the solubility. The situation is similar to the decrease of ∆Ghyd above 475 K 

at 100 atm, contributing to the solubility increase, via the T∆Shyd, rather than through a ∆Hhyd 

decrease (see Fig. 2). 

Regarding gallic acid, the solubility increase in SBCW cannot be associated to the dielectric 

constant decrease of water, as previously discussed, since ∆Ghyd increases, and therefore, shyd 

decreases, with the temperature. The self-solvation free energy of gallic acid (see Fig. 6-SI), 

however, increases monotonically with the temperature, similar to the non-polar solutes, explaining 

the solubility increase in SBCW, observed experimentally. The ∆Gself values for gallic acid are 

significantly lower than for the non-polar solutes, leading to negligible vapor pressures (see eq. (6)) 

and, therefore, a negligible solubility, except at very high temperatures. Although no experimental 

vapor pressures are available for gallic acid, this suggests that the force field may not accurately 

describe the pure system. In spite a reasonable agreement was found between the density of the 

supercooled liquid at 298 K (ρ ~ 1.510 gcm-3) and the experimental density of the solid (ρ ~ 1.7 

gcm-3), similar to the non-polar solutes, its accuracy with respect to standard thermodynamic 

properties such as the enthalpy of sublimation, often used to validate force fields, cannot be probed, 

since no experimental data is available. Another potential weakness concerns the higher saturation 

concentration for polar solutes, relative to sparklingly soluble solutes, thus, significantly deviating 

from infinite dilution. Nonetheless, the poor accuracy of the solubility as probed through eq.(8), 

does not change our conclusion regarding the role of the dielectric constant on the solubility of 

gallic acid. 

 

C. Hydration Water Structure 

We now turn attention to the structure of water next to the non-polar solutes, which has long 

been debated in connection to the negative hydration entropy20, a hallmark of hydrophobic 

hydration. A possible negative entropic contribution at 298 K and 1 atm is connected to the view 

that water is more structured30,31,36 (although very different from ice20,138) near hydrophobic solutes 

and groups, relative to bulk water. A positive entropic contribution has been related, instead, with a 
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large number of broken water-water HBs, observed next to large solutes, including benzene31.  A 

structural enhancement was previously found for water molecules surrounded by four or more 

water neighbors (4MWN) in the first coordination sphere of benzene31,139,140. Here, we observe the 

same behavior both in the first and second HSh of benzene at 1 atm and 100 atm (see Fig. 7a); bulk 

water is defined as any water molecule at a distance larger than 15 Å from the solute center of mass 

(see Figs 4-SI and 5-SI). A similar enhancement was observed next to both naphthalene and 

anthracene, although for anthracene this is restricted to the second HSh (see Fig. 8-SI). Further, a 

decrease of the structural enhancement in the first and second HSh with the solute size is observed. 

This is expected in view of the decrease of the curvature of the molecular surface next to the shared 

C atoms of the aromatic rings, resulting in a larger number of broken HBs24 and more distorted 

tetrahedrons, even for water molecules that retain four water neighbors. The structure of water was 

also assessed through the calculation of the local structure index (LSI) exhibiting a distribution 

similar to that observed for water at low temperatures141,142, where a low density liquid (LDL) water 

population is more abundant (see Fig. 7b). 

These observations contrast with those by Duboué-Dijon and Laage38. The reason is that the 

authors assume that every water molecule next to a hydrophobic solute “retains an intact first HSh 

containing four water neighbors”. The latter, however, is a poor approximation as previously 

discussed (see Fig. 1-SI). Figure 9-SI shows the P(O···On) and the average 
nO Or ⋅⋅⋅  for n = 1 to 5, for 

the first and second HSh of benzene and bulk water, showing that the larger differences occur for 

the fourth and fifth nearest water neighbors. The latter are, therefore, beyond the first HSh, for some 

water molecules, disrupting tetrahedrality. Thus, by assessing the tetrahedrality of water molecules 

with L4WN an artificial decrease of the tetrahedrality is found. This has been previously 

observed31,33,34 for different solutes, with a tetrahedrality enhancement starting at a distance from 

the solute, where water molecules have four water neighbors. Duboué-Dijon and Laage38 found an 

increase of the LSI next to a hydrophobic solute consistent with that found here. This has been 

related to water depletion near the solute, leading to an artificial increase of the LSI. However, 

although the LSI is in general higher in low density environments, it does not necessarily increase 

upon water depletion. Thus, although water molecules with L4WN have a lower number of 

neighbors up to 3.7 Å, than water molecules with 4MWN, because of their proximity to the solute, 

a lower LSI value is found for molecules with 4MWN in the first HSh. Thus, while not probing the 

tetrahedrality, the LSI is consistent with q in that water next to a hydrophobic solute has 

resemblances to water at low temperatures. Furthermore, it has been shown that water molecules 

with less than 5 neighbors in the first HSh (r < 3.5 Å) are more tetrahedral (higher q) than water 

molecules with 5 neighbors, in pure model water143. Thus, water depletion, specifically, the lack of 
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interstitial water molecules, causes an increase of the tetrahedrality. 

 
Figure 7 – (a) Tetrahedrality, q, of bulk water and water molecules with 4 or more water neighbors (4MWN) 
in the first and second hydration shells of the C atoms of benzene at 298 K and 100 atm. (b) LSI of bulk 
water and water molecules in the first and second hydration shells of the C atoms of benzene at 100 atm. The 
first hydration shell (HSh) is deconvoluted into water molecules with 4MWN and less than four water 
neighbors (L4WN). Water molecules in the HSh of more than one C atom are only counted once in the 
calculation of q and of the LSI. The 4MWN population represents 45% of the first HSh (Nw = 17.0) and 72% 
of the second HSh (Nw = 30.7). Nw is the number of distinct water molecules in the first and second HSh of 
the six C atoms of benzene and should not be confused with the coordination numbers, Nc. The LSI 
distributions at 1 atm are almost identical to the LSI distributions at 100 atm and are not shown. 
 

Figure 8 shows the pair interaction energies between the nth (n = 1 to 4) nearest water 

neighbors in the bulk and in the first HSh of benzene at 298 K and 100 atm. As can be seen, the 

strongest interaction is found between a pair of nearest water neighbors (n = 1) in the HSh, for 

water molecules with L4WN. The pair interactions between the n = 1 to 4 neighbors for molecules 

with 4MWN are stronger than those found in bulk water. For n = 5 the pair interaction energy in the 
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bulk is stronger, instead, since the fifth neighbor already appears at a larger distance than in the 

bulk, because of the proximity of the solute (see Fig. 9-SI(d) and Tables 2-SI and 5-SI). For waters 

with L4WN, pair interactions are weaker than in the bulk for n > 2, for similar reasons. Thus, 

solute-water interactions replace water-water interactions for n > 2 in this water population. 

Interestingly, the tetrahedrality enhancement previously discussed in water molecules with 4MWN 

reflects especially in the pair interactions involving the third and fourth nearest neighbors, which 

are significantly stronger than in bulk water (see Figs 8(c) and (d)). Similar results were found in 

the second HSh (see Fig. 10-SI) as well as at 1 atm and at 378 K and 1 atm and 100 atm (see Tables 

SI-2 to SI-5). 

 

 

Figure 8 – Water pair interaction energy distributions, P(W···Wn) for n = 1 to 4, for bulk water and 4MWN 

and L4WN water populations in the first hydration shell of benzene at 298 K and 100 atm. The NW with 

4MWN and with L4WN is 7.5 and 9.3, respectively.  Similar results were found for an aqueous solution at 1 

atm; see Table 2-SI to 5-SI in the SI. The distributions for the 4MWN and L4WN in (b) are nearly 

indistinguishable. 

 

Furthermore, in spite, of the differences previously discussed for the tetrahedrality of anthracene, 

stronger pair interactions were also found in the first (and second) HSh, for both naphthalene and 
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anthracene. The reason is that q does not probe the HB angle and distance, and shorter 
nO Or ⋅⋅⋅  (n = 1 

to 4) as well as O Hr ⋅⋅⋅ (mean distance of an O atom to the nearest two H atoms of neighbor water 

molecules) are still observed in the first HSh of anthracene, relative to bulk water (see Fig. 11-SI). 

The net balance between the stronger water-water interactions for water molecules with 

4MWN (n ≤ 4) and with L4WN (n ≤ 2) and the weaker interactions for n = 5 and n > 2 for the 

4MWN and L4WN populations, in the first and second HSh, and the solute-water interactions, 

cannot, however, be easily disentangled, Thus, although our results clearly show a structural 

enhancement and a lower interaction energy of some water pairs, relative to bulk water, 

contributing to the negative hydration enthalpy and entropy, the replacement of some water-water 

interactions (HBs) by solute-water interactions should exert the opposite effect. We recall that this 

entropic-enthalpic components, associated to the re-organization of water around the solutes, should 

nearly cancel, making a negligible contribution to the hydration free energy, and, therefore, to the 

hydration component of the solubility. 

We also calculated the tetrahedrality and the pair interaction energies at 498 K, already 

above the temperature (~475 K) at which a nearly zero T∆Shyd is observed (see Fig. 3b) 

corresponding to the maximum of ∆Ghyd. At this temperature (see Fig. 12-SI) the structural and 

energetic enhancement previously discussed for the population comprised by water molecules with 

4MWN, relative to bulk water, nearly vanishes, especially in the second HSh (see Fig. 9; similar 

results were found for naphthalene and anthracene). Although stronger water pair interactions  are 

still observed in the first HSh for every solute, the number of water molecules with 4MWN in the 

first HSh at this temperature is much lower than the population with L4WN (see Fig. 13-SI for 

benzene; similar results were found for naphthalene and anthracene). These stronger water pair 

interactions in the first HSh, despite of a marginal tetrahedrality difference, relative to bulk water, 

result from the fact that significantly shorter 
nO Or ⋅⋅⋅  (n = 1 to 4) as well as O Hr ⋅⋅⋅ distances are still 

observed in the first HSh, opposite to the second HSh, where similar distances to those in bulk 

water are observed at this temperature.    

 These results indicate that while the water re-organization at room temperature may 

contribute to either a more negative or to a less negative T∆Shyd, at high temperatures (T > 475K), 

this contribution should be positive, consistent with a positive T∆Shyd (see Fig. 3c), which should no 

longer be governed by the reversible work to form a cavity for solute insertion. 
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Figure 9 - Water pair interaction energy distributions, P(W···Wn), n = 1 to 4, for bulk water and 4MWN and 

L4WN water populations in the second hydration shell of benzene at 498 K and 100 atm. The NW with 

4MWN and with L4WN are 14.8 and 9.0, respectively.  

 

With respect to the relationship between water-water interactions and the pressure 

dependence of the dielectric constant, Tables 2-SI to 5-SI, show a decrease of the water pair 

interactions in bulk water at 100 atm, relative to 1 atm, for n ≤ 4 and an increase for n = 5. This is 

expected, since the local orientational order (n ≤ 4 ) is reduced with the pressure increase, while the 

distance between a water molecule and its nth (n > 4) neighbors decreases, thus explaining the 

decrease of the water-water internal energy contribution with pressure. This is turn, along with the 

volume decrease, leads to an increase of the dielectric constant, and a decrease of the hydration 

component of the solubility, via T∆Shyd.   

 

IV. Conclusions 

Subcritical water extraction is a green process allowing extracting polar and non-polar 

substances by varying only the temperature and pressure. The solubility increase of non-polar and 

some polar solutes in subcritical water has been commonly rationalized by the decrease of the 
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dielectric constant of water, whereas the solubility decrease at high pressures, has been associated to 

a moderate increase of the dielectric constant.  

Here, we provide evidence from molecular dynamics simulations that this dielectric constant 

picture cannot account for the solubility increase in SBCW. Thus, we show that the solubility 

increase is related, instead, to the vaporization or sublimation components of the solubility of the 

pure liquid or solid solutes, respectively. The solubility increase of benzene and the solubility 

decrease of naphthalene and anthracene at high pressures, in turn, can be explained by the relative 

magnitude of the hydration and the vaporization or sublimation components of the solubility. Thus, 

in spite the dielectric constant picture is consistent with the increase of the hydration free energy 

and, therefore, with the decrease of the hydration component of the solubility with pressure, it 

cannot account for the pressure dependence of the solubility. Moreover the increase of the hydration 

component is not related to less favorable solute-water interactions but to the hydration entropy 

decrease, instead, associated to the volume decrease. Further, our results show that the solubility 

increase with the temperature of a model solid polar solute, such as gallic acid, in SBCW, is not 

related to the dielectric constant of water, but rather, with the increase of the sublimation component 

of the solubility.  

Thus, while various models have been developed to predict the solubility of solids in 

subcritical water (see refs 3,15 and references therein), assuming a key role of the dielectric constant 

of water, our results contradict this picture, and show that while a description of the structural 

transformations of water at high temperatures is key, either through the dielectric constant or any 

empirical parameter, the latter contributes to a decrease, rather than to an increase, of the solubility 

of non-polar solutes. 

Analysis of the structure of water shows that water molecules at room temperature, that 

retain four or more water neighbors next to the non-polar solutes are more ordered than bulk water, 

except for the first HSh of anthracene, significantly enhancing the interaction between a water 

molecule and its third and fourth nearest water neighbors. While these interactions should 

contribute to the negative hydration enthalpy and entropy, the net effect of this structural 

enhancement and the replacement of some water-water interactions by solute-water interactions, 

cannot be easily disentangled. This structural enhancement, in turn, nearly vanishes at high 

temperatures contributing to a positive hydration entropy. The latter, however, should not 

significantly contribute to the free energy and the solubility. 
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Figure 1-SI - P(O·· ·O4) and P(O···H) distributions in a benzene aqueous solution at 298 K and 100 atm. (a) 
and (c): P(O···O4) distribution of the distance of an O atom to the fourth nearest O atom, for bulk water and 
for water in the first (F-HSh) and second (S-HSh) hydration shells of the C atoms of benzene; (b) and (d): 
P(O···H) distribution of the distance of each O atom to the nearest two H atoms of neighbor water molecules 
for bulk water and for water in the F-HSh and S-HSh of the C atoms of benzene. The boundaries of the C-
OW F-HSh and S-HSh are, respectively, r < 4.2 Å and 4.2Å < r < 5.4 Å; see Fig. 4-SI(b). 
 
 

 
Figure 2-SI - P(O·· ·O1) distributions in bulk water at 100 atm and temperatures between 298 K and 598 K. 

The average distance increases from 2.7 Å to 2.8 Å, from 298 K to 598 K; 598 298K K

void void voidV V V=∆ −  is ~10 
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Å3. 
 
 
 

 
Figure 3-SI – (a) Temperature and (b) pressure dependence of the solute-water non-bonded potential energy 
for benzene, naphthalene, and anthracene aqueous solutions at 100 atm and 398 K, respectively. The short-
range (10 Å) van der Waals and Coulombic components of the potential energy are shown as a function of 
temperature. 
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Figure 4-SI – Benzene-water oxygen radial distribution functions, g(r), and coordination number (Nc) at 100 
atm and temperatures between 298 K and 598 K. (a) benzene centre of mass – oxygen (COM-OW) rdf and 
(b) benzene carbon-oxygen (C-OW) rdf. The first peak of the COM-OW rdf, more visible at 298 K, 
corresponds to ~1.5 hydrogen bonds formed between water and the aromatic ring. The radial distributions 
functions at 298 K and 1 atm are almost identical and are not shown.  
 
 
 

 
 
 
 
 
 
 
 
 
 
 
 



43 
 

 
Fig. 5-SI – Naphthalene and anthracene COM-OW and C-OW rdfs and the respective coordination numbers 
at 298 K, 398 K, 498 K, and 598 K and 100 atm. 
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Figure 6-SI – Temperature dependence of the self-free energies for pure (a) benzene, naphthalene, and 
anthracene, and (b) gallic acid, at 1 atm and 100 atm. 
 



45 
 

 
Figure 7-SI – Pressure dependence of the (a) hydration and (b) self-free energies of benzene naphthalene, 
and anthracene at 398 K. 
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Figure 8-SI – (a) Tetrahedrality, q, of bulk water and water molecules with 4 or more water neighbors 
(4MWN) in the first and second hydration shells (HSh) of the C atoms of naphthalene and anthracene at 298 
K and 100 atm. Water molecules in the HSh of more than one C atom are only counted once in the 
calculation of q. The 4MWN population represents 46% of the first HSh (Nw = 21.9 and Nw = 26.7, 
respectively) and 67% of the second Hsh (Nw = 39.7 and Nw = 47.1, respectively) for both solutes. Nw is the 
number of distinct water molecules in the first and second HSh of the C atoms of naphthalene and anthracene 
and should not be confused with the coordination numbers, Nc. 
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Figure 9-SI - P(O·· ·On) distributions for a benzene aqueous solution at 298 K and 100 atm. (a) P(O·· ·On) (n 
= 1 to 5) for water molecules with 4 or more water neighbors (4MWN) and less than 4 water neighbors 
(L4WN) in the first (C-OW) HSh, (b)  P(O···On)  (n= 1 to 5) for water molecules with 4MWN and L4WN in 

the second (C-OW) HSh, (c) average O On
r ⋅⋅⋅  for the bulk, first, and second HSh, (d) difference between 

O On
r ⋅⋅⋅ in the shells and bulk. 
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Figure 10-SI - Water pair interaction energy distributions, P(W···Wn) for n = 1 to 4, for bulk water and 
water with 4MWN and L4WN in the second hydration shell of benzene at 298 K and 100 atm. The NW with 
4MWN and with L4WN is 22.2 and 8.5, respectively. Similar results were found for an aqueous solution at 1 
atm; see Table 2-SI to 5-SI. The distributions for the 4MWN and L4WN in (b) are nearly indistinguishable. 
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Figure 11-SI – (a) P(O·· ·On) and (b) P(O·· ·H) distributions for an anthracene aqueous solution at 298 K and 
100 atm. (a) P(O·· ·On) (n = 1 to 4) and (b) P(O···H), for the bulk and water molecules with 4 or more water 
neighbors (4MWN) in the first (C-OW) HSh. 
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Figure 12-SI – (a) Tetrahedrality, q, of bulk water and water molecules with 4 or more water neighbors 
(4MWN) in the first and second hydration shells of the C atoms of (a) benzene, (b) naphthalene, and (c) 
anthracene, at 498 K and 100 atm.  
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Figure 13-SI –  Water pair interaction energy distributions, P(W···Wn) for n = 1 to 4, for bulk water and 
water molecules with 4MWN and L4WN in the first hydration shell of benzene at 298 K and 100 atm. The 
NW with 4MWN and with L4WN are 2.6 and 8.4, respectively.  
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Table 1-SI  – Hydration enthalpy of aqueous solutions of benzene at 298 K and 378 K and at 1 atm and 100 
atm, calculated from the hydration free energy and entropy ∆H=∆G+T∆S (Fig. 2) and via eq.(9). 

T (K) p (atm) ∆H=∆G+T∆S (kJmol-1) ∆H eq.(9) 
(kJmol-1) 

298 1 -34.7 -26.(7)±41 

298 100 -31.4 -25.(0)±4 

378 1 -13.6 -3.(2)±4 

378 100 -16.1 -5.(3)±3 
1 Standard deviations calculated through propagation of the Hsolution, Hwater, and Usol,vacuum standard deviations calculated 
from 10 independent trajectories for the aqueous solutions, pure water, and the solute in vacuum.  
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Table 2-SI – Water-water nth (n = 1 to 5) average pair interaction energies in the bulk and hydration shells 
(HSh) of a benzene aqueous solution at 298 K and 1 atm. First HSh (FHSh); Second HSh (SHSh).  

 n=1 n=2 n=3 n=4 n=5 

Bulk -19.36 -19.25 -17.06 -12.23 -3.19 

FHSh - 4MWN -19.47 19.57 -17.89 -14.16 -2.65 

FHSh - L4WN -19.82 -19.43 -16.27 -8.47 -2.11 

SHSh - 4MWN -19.48 -19.53 -17.65 -13.31 -2.87 

SHSh - L4WN -19.81 -19.45 -16.39 -9.00 -2.17 

 
Table 3-SI – Water-water nth (n = 1 to 5) average pair interaction energies in the bulk and hydration shells 
(HSh) of a benzene aqueous solution at 298 K and 100 atm. First HSh (FHSh); Second HSh (SHSh).  

 n=1 n=2 n=3 n=4 n=5 

Bulk -19.34 -19.23 -17.04 -12.21 -3.21 

FHSh - 4MWN -19.43 -19.55 -17.86 -14.11 -2.68 

FHSh - L4WN -19.80 -19.41 -16.26 -8.49 -2.12 

SHSh - 4MWN -19.47 -19.52 -17.63 -13.28 -2.90 

SHSh - L4WN -19.79 -19.44 -16.41 -9.09 -2.21 

 
 
Table 4-SI – Water-water nth (n = 1 to 5) average pair interaction energies in the bulk and hydration shells 
(HSh) of a benzene aqueous solution at 378 K and 1 atm. First HSh (FHSh); Second HSh (SHSh).  

 n=1 n=2 n=3 n=4 n=5 

Bulk -18.14 -17.28 -14.13 -9.26 -3.77 

FHSh - 4MWN -18.20 -17.58 -14.90 -10.74 -3.42 

FHSh - L4WN -18.62 -17.26 -12.92 -6.37 -2.58 

SHSh - 4MWN -18.29 -17.58 -14.63 -9.92 -3.58 

SHSh - L4WN -18.63 -17.32 -13.04 -6.50 -2.64 

 
 
Table 5-SI – Water-water nth (n = 1 to 5) average pair interaction energies in the bulk and hydration shells 
(HSh) of a benzene aqueous solution at 378 K and 100 atm. First HSh (FHSh); Second HSh (SHSh). 

 n=1 n=2 n=3 n=4 n=5 

Bulk -18.11 -17.26 -14.14 -9.28 -3.79 

FHSh - 4MWN -18.18 -17.56 -14.89 -10.75 -3.43 

FHSh - L4WN -18.59 -17.24 -12.94 -6.41 -2.59 

SHSh - 4MWN -18.26 -17.56 -14.63 -9.94 -3.59 

SHSh - L4WN -18.60 -17.31 -13.06 -6.55 -2.65 

 
 

 


