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Abstract

By comparing the hydration thermodynamics of benzene with that of a hypothetical aliphatic hydrocarbon having the same

accessible surface area (ASA) of benzene, Makhatadze and Privalov concluded that the whole difference is due to the weak H-

bonds that water forms with the aromatic ring. The formation of such H-bonds would be characterized by a negative Gibbs

energy change, slightly increasing in magnitude with temperature, and a positive entropy change over a large temperature range.

The latter thermodynamic feature is not physically reliable for the formation of H-bonds. In the present article, by using a

statistical mechanical dissection scheme of hydration, a microscopic interpretation for the numbers obtained by Makhatadze and

Privalov is proposed. The difference in hydration Gibbs energy should be attributed to the different strength of van der Waals

interactions that benzene can do with water, owing to the larger polarizability of the aromatic ring with respect to an aliphatic

hydrocarbon of equal size. In addition, the difference in hydration entropy should account for the different extent of H-bond

reorganization upon the insertion of benzene and the corresponding aliphatic hydrocarbon in water.
D 2004 Elsevier B.V. All rights reserved.
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1. Introduction existing in the case of aliphatic hydrocarbons. M&P
In 1994 Makhatadze and Privalov [1] (M&P) had

the merit to call attention on the important difference in

the hydration thermodynamics between aliphatic

hydrocarbons and aromatic ones. The hydration (i.e.,

gas to water transfer) Gibbs energy of benzene and

toluene is negative over a large temperature range,

whereas it is largely positive for aliphatic hydrocar-

bons. M&P [1] suggested that such qualitative differ-

ence should be due to additional and favourable

interactions between the aromatic ring and water, not
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proposed that the additional interactions are the weak

H-bonds formed by water molecules with the aromatic

ring [2,3]. In order to obtain estimates for the energet-

ics of these additional interactions, M&P compared the

hydration thermodynamics of benzene with that of a

hypothetical aliphatic hydrocarbon possessing the

same accessible surface area (ASA) of benzene, name-

ly, 228 Å2, having determined the hydration parame-

ters for aliphatics, normalized per square angstrom of

ASA, from the hydration thermodynamics of ethane,

propane and n-butane [1].

The hydration thermodynamic functions of ben-

zene and the corresponding (this term is used to

indicate same ASA) aliphatic hydrocarbon are listed

in Table 1 for two representative temperatures, 25 and



Table 1

Ben-Naim standard hydration enthalpy, entropy and Gibbs energy

changes of benzene and an aliphatic hydrocarbon having the same

ASA of benzene, 228 Å2, at 25 and 100 jC, respectively [1]

DH .

(kJ mol�1)

DS .

(J K�1mol�1)

DG .

(kJ mol�1)

DH h

(kJ mol�1)

Benzene �29.6 �87.2 �3.6 13.0

�10.2 �28.7 0.5 32.4

Aliphatic �24.2 �114.0 9.8 6.8

�23.2 �36.5 15.5 32.8

ar�al �5.4 26.8 �13.4 6.2

�12.0 7.8 �15.0 �0.4

The enthalpy contributions arising from the H-bond reorganization

upon solute insertion into water, DH h, are listed in the last column.

They have been calculated by means of Eq. (5), as DH h=DH .�Ea,

using the experimental values of DH . and Ea=�42.6 kJ mol�1 for

benzene, and �31.0 kJ mol�1 for the corresponding aliphatic

hydrocarbon. The differences between the values of benzene and

those of the corresponding aliphatic hydrocarbon, indicated as

ar�al, are reported in the last two rows (in the text they are

indicated as DDX ., where X can be H, S or G).
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100 jC, respectively. By performing the difference

between the hydration thermodynamic parameters of

benzene and those of the corresponding aliphatic

hydrocarbon, M&P [1] concluded that the formation

of the weak H-bonds between water and the aromatic

ring is characterized by (see the last two rows of Table

1) (a) a negative Gibbs energy change that increases

in magnitude with temperature (i.e., such H-bonds

become stronger as temperature increases); (b) a

positive entropy change at any temperature over the

range 0–100 jC.
Clearly, these results are qualitatively not correct

from the physical point of view, as already underlined

by Costas and Kronberg [4]: the strength of an H-

bond should decrease with temperature, and the en-

tropy change for its formation should be a negative

quantity. M&P made an erroneous use of the hydra-

tion thermodynamic functions, as we will try to

demonstrate in the following. It is necessary to cor-

rectly define, at the molecular level, the processes that

give rise to the changes in the thermodynamic func-

tions in order to obtain microscopic information from

a comparison similar to that done by M&P.

According to Ben-Naim [5–7], the hydration

process corresponds to the transfer of a solute

molecule from a fixed position in the gas phase to

a fixed position in water. Direct application of

statistical mechanics shows that the physically cor-
rect dissection of the process is [7–12] (a) creation

of a suitable cavity in water to host the solute

molecule; and (b) turning on the attractive van der

Waals interactions between the nonpolar solute mol-

ecule hosted in the cavity and the surrounding water

molecules (for more see Appendix A). Both subpro-

cesses cause a reorganization of H-bonds among

water molecules [10,12]. However, the H-bond reor-

ganization proves to be characterized by a complete

enthalpy–entropy compensation [12–16], so that it

does not affect the Gibbs energy change. On this

basis, we have recently shown that for aromatics, in

contrast to the case of aliphatics, the van der Waals

interaction energy is larger in magnitude than the work

of cavity creation over a large temperature range,

rendering the hydration process spontaneous [17,18].

The formation of the weak H-bonds between the

aromatic ring and water proves to be a largely com-

pensating process that does not affect the hydration

Gibbs energy [17]. In the present work, we would like

to show that this theoretical approach may explain the

results emerged from the comparison performed by

M&P.
2. Theoretical analysis

The hydration Gibbs energy change DG. is given

by [8–12]

DG. ¼ DGc þ Ea ð1Þ

where DGc is the work to create a suitable cavity to

host the solute molecule and Ea is the solute–solvent

interaction energy accounting for the van der Waals

interactions. In order to analyse the different behav-

iour between benzene and the corresponding aliphatic

hydrocarbon, one writes

DDG. ¼ DG.ðarÞ � DG.ðalÞ ¼ ½DGcðarÞ � DGcðalÞ�

þ½EaðarÞ � EaðalÞ� ð2Þ

where ar stands for aromatic and al for aliphatic. Both

scaled particle theory [19,20] and computer simula-

tions [21,22] indicate that the work of cavity creation

scales linearly with the ASA of the cavity, which in

turn corresponds to the ASA of the solute molecule to

be hosted. As a consequence, since the benzene
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molecule and the corresponding aliphatic hydrocarbon

have the same ASA

DGcðarÞ ¼ DGcðalÞ ð3Þ

Eq. (3) is a fundamental point of the present

analysis: two molecules possessing the same ASA

should occupy the same volume, unless one of them

has a particularly strange geometric form, and DGc

should be the same. Thus, Eq. (2) becomes

DDG. ¼ EaðarÞ � EaðalÞ ð4Þ

According to the molecular dynamics simulations

of benzene in TIP4P water performed by Linse [23],

the benzene–water interaction energy, accounting

solely for van der Waals interactions, amounts to

�42.6 kJ mol�1 at room temperature (we obtained

Ea=�42.3 kJ mol�1 for benzene in water [18] by

using the formula devised by Pierotti [20]). From the

Ea values determined by Jorgensen et al. [24] for

several aliphatics in TIP4P water by means of Monte

Carlo simulations, an aliphatic hydrocarbon having

the same ASA of benzene should have Ea=�31.0 kJ

mol�1 at room temperature [17]. We assume that the

Ea values are independent of temperature because the

density of water, the principal factor, decreases very

little over the temperature range 0–100 jC [25]. Thus,

from Eq. (4), one obtains

DDG. ¼ �42:6þ 31:0 ¼ �11:6 kJ mol�1

This value, considered to be temperature indepen-

dent, is close to those reported in the last two rows of

the fourth column of Table 1. The DDG. numbers

obtained by M&P should be a measure of the different

strength of van der Waals interactions that benzene

and the corresponding aliphatic hydrocarbon have

with water. The difference can be attributed to the

larger polarizability of the aromatic ring with respect

to the corresponding aliphatic chain. The high elec-

tron density of the aromatic k electron cloud strength-

ens the van der Waals interactions with water

molecules [17]. The weak H-bonds that water mole-

cules form with the aromatic ring should not play any

role in DDG. (for more, see Discussion).

The hydration enthalpy change is given by [11]

DH. ¼ Ea þ DHh ð5Þ
where Ea has been already defined, and DH h accounts

for the contribution from the reorganization of H-

bonds upon solute insertion into water. Estimates of

DH h, obtained by means of a hybrid procedure using

the experimental DH . values and the above reported

Ea values for benzene and the corresponding aliphatic

hydrocarbon, are listed in the last column of Table 1.

They are always positive, indicating that the reorga-

nization of H-bonds is an endothermic process for

both benzene and the corresponding aliphatic hydro-

carbon [10–12,17,18,26]. Therefore, one obtains

DDH. ¼ DH.ðarÞ � DH.ðalÞ ¼ ½EaðarÞ � EaðalÞ�

þ½DHhðarÞ � DHhðalÞ� ð6Þ

that amounts to �5.4 kJ mol�1 at 25 jC and �12.0 kJ

mol�1 at 100 jC, in line with the values reported in

Table 1. Since the Ea values are assumed to be

independent of temperature, the increase in the mag-

nitude of DDH . with temperature is simply due to the

different temperature dependence of the quantity DHh

between benzene and the corresponding aliphatic

hydrocarbon (see the last column of Table 1). This

is a consequence of the fact that the hydration heat

capacity change is positive for both aliphatics and

aromatics, but significantly larger for the former when

normalized to the ASA, as pointed out by M&P [1].

The hydration entropy change is given by [11,12]

DS. ¼ DSx þ DSh ð7Þ

where DSx=�DGc /T accounts for the contribution due

to the excluded volume effect [27,28], and DSh

accounts for the contribution due to the reorganization

of H-bonds. It has been shown by several authors that

enthalpy–entropy compensation, DSh=DHh/T, holds

for the reorganization of H-bonds upon the insertion

of nonpolar solutes into water [13–16]. The validity

of Eq. (3) leads to

DSxðarÞ ¼ DSxðalÞ ð8Þ

Since the excluded volume contributions to the

difference in hydration entropy cancel out, one obtains

DDS. ¼ DS.ðarÞ � DS.ðalÞ

¼ ½DHhðarÞ � DHhðalÞ�=T ð9Þ
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Accordingly, DDS.=20.8 J K�1mol�1 at 25 jC and

�1.1 J K�1mol�1 at 100 jC. These numbers are in

line with those reported in Table 1. The DDS . quantity

is largely positive at room temperature because there

is a significant difference in the extent of H-bond

reorganization around benzene and the corresponding

aliphatic hydrocarbon; it is small at 100 jC because

the two DH h values are close at that temperature.

Since the DDS . quantity is not a measure of the

entropy change associated with the formation of the

weak H-bonds between benzene and water, the pos-

itive DDS . values obtained by M&P are not unreliable

from the physical point of view.
3. Discussion

3.1. General considerations

The comparison between the hydration thermody-

namics of benzene and that of the hypothetical

corresponding aliphatic hydrocarbon performed by

M&P is allowable and correct. What does not seem

reliable is the microscopic interpretation provided by

M&P for the differences in the thermodynamic func-

tions. The latter are macroscopic quantities and can be

interpreted in microscopic terms only on the basis of a

theoretical approach grounded on statistical mechan-

ics. In contrast, M&P tried to use a simple idea, the

formation of weak H-bonds between water and the

aromatic ring, to gain a microscopic picture. Such a

procedure, however, is not warranted, and M&P

obtained unreliable results.

In the present article, the numbers obtained by

M&P are rationalized using a statistical mechanical

theory to dissect the hydration thermodynamics in

quantities that have a clear microscopic interpretation.

No new ad hoc assumptions are introduced in the

theory. A central point is the recognition that the

comparison between two molecules having the same

ASA leads to the cancellation of all the terms ac-

counting for the excluded volume effect associated

with the insertion of a solute molecule in water (see

Eqs. (3) and (8)), because DGc scales linearly with

ASA [19–22].

The negative DDG. values originate from the

different magnitude of the Ea quantity between ben-

zene and the corresponding aliphatic hydrocarbon. In
this respect, the fundamental points are (a) the van der

Waals solute–water interaction energy scales linearly

with the polarizability of the solute molecule [29]; and

(b) the polarizability of a molecule scales linearly with

molecular volume, reflecting the fact that electrons

farther from the nuclei are more easily influenced by

an external electric field [29]. In order to gain per-

spective, the polarizability of benzene, a=10.32 Å3

[20], should be compared to that of aliphatics, such as

n-hexane, a=11.78 Å3 [20], and n-octane, a=15.44 Å3

[20], by considering that the effective hard sphere

diameters of the three hydrocarbons are 5.26, 5.92 and

6.54 Å, respectively [30]. The comparison points out

that the polarizability of benzene is about 25% larger

than that of an aliphatic hydrocarbon of equal size (a

similar comparison, considering methane and ethane,

shows that the polarizability of benzene is about 30%

larger than that of an aliphatic hydrocarbon of equal

size). In fact, the polarizability of benzene is 27%

larger than that of n-butane (ASA=224 Å2, close to

that of benzene [1]) that has a=8.12 Å3 [31]. By using

a different set of polarizability values [32], the polar-

izability of benzene (10.74 Å3) is 31% larger than that

of n-butane (8.20 Å3). This analysis leads to the

conclusion that the magnitude of Ea for benzene in

water has to be significantly larger than that of the

corresponding aliphatic hydrocarbon, in line with

computer simulation results [23,24], and is the cause

of its increased solubility in water [17].

It is evident that the discrepancy between calculat-

ed and ‘‘experimental’’ (those obtained performing

the difference between the hydration parameters of

benzene and those of the corresponding aliphatic

hydrocarbon) values is larger at 100 jC than at 25

jC. However, while the values of the hydration

thermodynamic functions at 25 jC are truly experi-

mental data, those at 100 jC were calculated by M&P,

starting from the DH . and DG. values at 25 jC, using
the DCp

. values [1]. The latter was directly measured

by M&P for benzene and toluene over the temperature

range 5–125 jC [33]. For aliphatic hydrocarbons,

DCp
. values were directly measured by Gill et al. [34–

36] only over the range 0–50 jC due to their very low

solubility in water. As a consequence, M&P extrapo-

lated the DCp
. values for aliphatics to higher temper-

atures using a heuristic relationship [1]. All these

remarks imply that the discrepancy between calculat-

ed and ‘‘experimental’’ values at 100 jC might be a
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consequence of the fact that the hydration thermody-

namic values at 100 jC of the aliphatics are not truly

experimental data.

3.2. Role of the weak H-bonds between water and

benzene

At first sight, it may appear strange that the weak

H-bonds between water and the aromatic ring do not

really affect the DG. value of benzene and its solu-

bility in water. We would like to analyse this point

with care. An H-bond has a fundamentally electro-

static nature, and it is not simple to state where the

strong benzene–water van der Waals interactions end

and the weak H-bonds begin. We think that the

directionality of H-bonds should be the differentiating

factor. In fact, the electrostatic dipole–dipole interac-

tion model of H-bonds emphasizes that the colinearity

of the two dipole moments is a fundamental require-

ment for the occurrence and strength of H-bonding

interactions.

The distribution of electrons in benzene can be

treated as if there are discrete partial charges located at

each of the atomic nuclei (i.e., +0.15e at H and

�0.15e at C). Such an arrangement of partial charges

has no net charge, no net dipole moment, but does

possess a quadrupole moment [37] (it can be thought

to consist of three simple quadrupoles). This charge

distribution manifests itself in the strong dependence

of the benzene–water potential energy on the mutual

orientation of the two molecules. Linse [23] found

that the benzene–water potential energy curve along

the C6 axis shows a deep minimum if the water

hydrogen atoms point toward the ring, but does not

present a minimum if the water hydrogen atoms point

away from the ring. This directionality should be

considered a clear indication of the existence of H-

bonds between water and benzene, even though such

H-bonds should be weak because there is not a

dipole–dipole interaction, but a quadrupole–dipole

interaction.

In order to single out the role played by these

electrostatic interactions, Linse [23] constructed a

modified benzene–water potential omitting the partial

charges of benzene. By using this modified potential,

the benzene–water potential energy does not depend

on the mutual orientation of the two molecules. In

fact, the benzene–water potential energy curve along
the C6 axis shows a shallow minimum for both

orientations of water hydrogen atoms [23]. This

indicates that the modified potential accounts only

for the contribution of benzene–water van der Waals

interactions.

Linse [23] found that (a) by using the full potential,

the benzene–water interaction energy Ea(F)=�61.6 kJ

mol�1; (b) by using the modified potential, the ben-

zene–water interaction energy Ea(M)=�42.6 kJ

mol�1 (note that F indicates full potential, while M

indicates modified potential). The difference between

these two values can be considered the energy asso-

ciated with the formation of the weak H-bonds be-

tween water and benzene. The fundamental point is

the recognition that the sum DGc+Ea(M) is able to

reproduce the experimental DG. values satisfactorily,

without the need to consider the contribution of the

weak H-bonds [17]. The work to create a cavity in

water suitable to host a benzene molecule was

obtained in two different ways [17]: (a) from the

observed linear correlation between DGc and the

hydration number for aliphatic hydrocarbons; and

(b) the analytical relation provided by the scaled

particle theory, SPT [20]. The estimates are (a)

DGc=39.7 and 44.6 kJ mol�1 at 25 and 100 jC,
respectively; (b) DGc(SPT)=38.0 and 43.8 kJ mol�1

at 25 and 100 jC, respectively. By adding these DGc

estimates to Ea(M)=�42.6 kJ mol�1 and comparing

with the experimental DG. values, one finds that the

discrepancy is small at both temperatures (i.e., �0.7

and 1.0 kJ mol�1 at 25 jC and �1.5 and �0.7 kJ

mol�1 at 100 jC). Since the discrepancy is small, one

should conclude that the contribution of the weak H-

bonds between water and benzene is negligible due to

enthalpy–entropy compensation effects [17] (see also

Appendix A).

A possible interpretation is that these weak H-

bonds should be considered as a part of the reorgani-

zation of surrounding water molecules upon benzene

insertion [17]. Two water molecules located over the

two faces of the aromatic ring reorient themselves by

pointing in their hydrogen atoms to form weak H-

bonds with the k electron cloud of the ring. From a

geometric point of view, the reorientation of these two

water molecules allows the formation of a good

network of water–water H-bonds around a flat and

hydrophobic moiety. It is worth noting that even

including the energy gain for the formation of the
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weak H-bonds between water and benzene into the

overall H-bond reorganization upon benzene inser-

tion, the latter process is endothermic. In particular, at

25 jC, one has DH h=DH .�Ea(M)=�29.6+42.6=13.0

kJ mol�1.

If, instead, the weak H-bonds were included in the

Ea term, the latter would correspond to Ea(F)=�61.6

kJ mol�1 [23], and the overall H-bond reorganization

would be characterized by DH h=�29.6+61.6=32.0 kJ

mol�1 at 25 jC. The problem is that the sum

DGc+Ea(F) amounts to c�22 kJ mol�1 at 25 jC
and to c�17 kJ mol�1 at 100 jC: the discrepancy

with the experimental DG. values is large (see the

fourth column of Table 1). Therefore, Eq. (1) repro-

duces the experimental DG. values of benzene if one

uses Ea(M) and not Ea(F): if the formation of the weak

H-bonds between water and benzene is included in the

water reorganization. Clearly, this conclusion depends

upon the reliability of the used DGc estimates. In order

to render necessary the use of Ea(F) in Eq. (1), our

DGc estimates should be too small by about 40%.

Even though DGc is not an experimentally measurable

quantity and the procedures to calculate it are approx-

imate, such an error appears to be unreasonably large

[9–12,17–21].

3.3. Relationship with the analysis by Costas and

Kronberg

Costas and Kronberg [4], C&K, were the first to

point out the unreliability of the M&P analysis, but

instead of providing a rationalization of the numbers

obtained by M&P, they claimed that one has to use

thermodynamic data for the transfer from liquid

hydrocarbon to water, corrected for the combinatorial

effects. In fact, C&K [4] wrote that the use of

DG.(gas!water) data ‘‘has the disadvantage that in

the gas to water transfer, the solute molecule under-

goes a drastic decrease in degrees of freedom which

are not fully taken into account when using the molar

concentration scale. It is more convenient to use

experimental DG(liquid!water) data, provided they

are corrected for the combinatorial effects arising from

the mixing process. The need for such corrections,

usually called volume effects or different molecular

size corrections, has been clearly demonstrated on

thermodynamic grounds and is widely accepted.

Amongst the several alternatives to make this correc-
tion, that given by the Flory–Huggins theory is often

used [38].’’ All these statements do not have a solid

ground.

It is questionable to subtract the combinatorial

contribution to the Ben-Naim standard Gibbs energy

change because the latter has a clear non-ambiguous

physical meaning, as demonstrated by the statistical

mechanical derivation [5–7]. In a system in which the

momentum partition function can be separated from

the configurational integral (i.e., a system in which the

translational degrees of freedom can be treated clas-

sically), the quantity DG. corresponds to the reversible

work necessary to transfer a solute molecule from a

fixed position in the ideal gas phase to a fixed position

in the liquid phase at constant temperature and pres-

sure. Ben-Naim [7] has shown that the classical limit

is valid in all the cases of interest for solvation (for

more, see Ref. [39]).

In addition, the use of the Flory–Huggins theory to

estimate the combinatorial contribution is question-

able. The Flory–Huggins theory is based on a lattice

model and assumes zero volume change and a van

Laar enthalpy change on mixing [40]: these assump-

tions do not seem so valid for aqueous solutions of

nonpolar compounds. In particular, lattice approaches

markedly underestimate the excluded volume contri-

bution which plays a central role in hydrophobicity

[9–12,41–43]. In fact, Holtzer [44] pointed out that

‘‘the Flory–Huggins theory was designed to model

mixtures in which the larger component is segmental,

so that one can imagine it occupying the same lattice

as solvent, but simply requiring more sites. One

cannot imagine a benzene molecule simply occupying

c5 water sites.’’ In a further analysis, Holtzer con-

cluded that the Ben-Naim standard is the correct

choice to study, both experimentally and theoretically,

solvation phenomena [45].

In addition, the Flory–Huggins relationship has to

be applied with care, because its derivation comes

from an ideal gas reference state [46]. Lee [46] wrote

‘‘because of the large differences that exist between an

ideal gas and a real liquid, use of the ideal gas

behaviour as the reference can be misleading’’ and

‘‘the translational entropy of a real system clearly

depends on the interaction energy among the mole-

cules and is not given by a formula that applies to the

ideal gas.’’ In fact, Honig et al. [47], the principal

proponents of the volume correction using the Flory–
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Huggins formula, agreed to the Lee’s analysis and

stated that ‘‘for gas phase to aqueous solution transfer

processes molar volume makes only minor contribu-

tions to solubility.’’

In any way, C&K [4] concluded that the different

solubility in water between aliphatics and aromatics is

attributable to the weak H-bonds between water and

the aromatic ring. This conclusion derived from the

assumption that the entropy change associated with

the formation of the weak H-bonds between water and

benzene is zero. C&K provided the following ratio-

nale [4]: ‘‘since the combinatorial entropy has been

eliminated from the analysis, the molecules, i.e., for

example, benzene and water are already positioned to

form H-bonds without any extra entropy loss.’’ This

statement does not appear reliable from a physical

point of view. In our opinion, the whole analysis by

C&K suffers for a serious inconsistency. The dissec-

tion scheme of the hydration process adopted by C&K

(i.e., an intermediate hypothetical state termed unre-

laxed water was introduced [4,48]) has no physical

reliability and leads to strange assumptions. In this

respect, it is important to recognize that the dissection

scheme adopted in the present article comes directly

from a physical consideration of the interaction po-

tential between the solute molecule and the surround-

ing solvent molecules [10,12] (see also Appendix A).
4. Conclusions

The qualitative difference in hydration thermody-

namics between benzene and a hypothetical aliphatic

hydrocarbon having the same ASA of benzene, point-

ed out by M&P, is analysed by means of a statistical

mechanical theory of hydration. The negative DDG.

values are due to the larger magnitude of the ben-

zene–water van der Waals interactions owing to the

markedly larger polarizability of the aromatic ring

with respect to the corresponding aliphatic chain.

The weak H-bonds between water and benzene do

not affect DDG. because (a) their formation has to be

properly included in the reorganization of surrounding

water molecules upon benzene insertion; and (b) such

H-bond reorganization is characterized by enthalpy–

entropy compensation. The present analysis tries to

provide a rationalization of the inconsistencies gener-

ated by the M&P interpretation.
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Appendix A. Theory of solvation

Solvation corresponds to the transfer of a solute

molecule from a fixed position in the ideal gas phase

to a fixed position in a solvent at constant tempera-

ture and pressure [5–7]. The process can be assim-

ilated to the insertion of an external perturbing

potential W(X), where X is a vector representing a

single configuration of the N molecules of the liquid

solvent [10,12]. By using the Widom’s [49] potential

distribution theorem, the Ben-Naim standard Gibbs

energy change is

DG. ¼ �RT 	 lnhexp½�WðX Þ=RT �ip ðA1Þ

where the subscript p means that the ensemble

average is performed over the pure solvent config-

urations, assuming an NPT ensemble, whose proba-

bility density function is

qpðX Þ ¼ exp½�HðX Þ=RT �=
Z

exp½�HðX Þ=RT �dX

ðA2Þ

where H(X )=U(X )+P	V(X ) is the enthalpy function of

a configuration, U(X ) and V(X ) are the corresponding

internal energy and volume, and the denominator is the

isobaric partition function of the system.

Since a liquid is a condensed state of the matter, the

insertion of a solute molecule requires the exclusion

of the solvent molecules from the region of space that

will be occupied by the solute. On this basis, simple

physical considerations suggest that the perturbing

potential has to be factorized in the following manner

[10,12]:

exp½�WðX Þ=RT � ¼ fðX Þ 	 exp½�waðX Þ=RT � ðA3Þ

where f(X) can assume only the values of 1 or 0

depending on whether or not there is a suitable cavity

to host the solute molecule in the given solvent

configuration; and wa(X ) represents the attractive

potential between the solute molecule and the sur-



G. Graziano / Biophysical Chemistry 110 (2004) 249–258256
rounding solvent molecules. Insertion of Eq. (A3) into

Eq. (A1) leads to

DG. ¼�RT 	 lnhfðX Þip � RT 	 lnhexp½�waðX Þ=RT �ic
ðA4Þ

where the subscript c means that the ensemble average

is performed over the solvent configurations possess-

ing a suitable cavity to host the solute whose proba-

bility density function is

qcðX Þ ¼ fðX Þexp½�HðX Þ=RT �

=

Z
fðX Þexp½�HðX Þ=RT �dX ðA5Þ

Such configurations are only a small fraction of the

total solvent configurations (i.e., those for which the

function f(X) is equal to one). Eq. (A4) indicates that

DG. is the sum of two terms: the work to create the

cavity and the work to turn on the attractive solute–

solvent potential. However, this does not mean addi-

tivity of contributions: the solute–solvent attractive

potential is switched on given that the cavity has

already been created, and the average is calculated

by using the conditional probability density function

qc(X). The work to create the cavity is

DGc ¼ �RT 	 lnhfðX Þip ðA6Þ

It is the reversible work to single out the config-

urations containing the cavity from the ensemble of

pure solvent configurations [27,28]. The work to turn

on the solute–solvent attractive potential is

DGa ¼ �RT 	 lnhexp½�waðX Þ=RT �ic ðA7Þ

By setting j=wa(X )�hwa(X )ic, expanding in pow-

er series the exponential function, and keeping in

mind that hjicu0, one obtains

DGaihwaðX Þic � ½hj2ic=2RT � ðA8Þ

if higher order terms are ignored. When the attractive

potential wa(X ) is weak, the fluctuations in the value

of hwa(X )ic are small, and the second term on the

right-hand side of Eq. (A8) can be neglected. Under

this condition, the solvation Gibbs energy change is

given by

DG. ¼ DGc þ hwaðX Þic ðA9Þ
For the hydration of solutes unable to form H-

bonds with water (i.e., aliphatic hydrocarbons and

noble gases), the condition of small fluctuations

holds because wa(X ) represents the solute–water

van der Waals interactions which are weak compared

to the water–water H-bonds [15]. In such cases

hwa(X )ic is equal to Ea, the direct solute–water

interaction energy.

When the solute molecule can form H-bonds

with water, one has to be careful because the

condition of small fluctuations could not hold. In

the ensemble of the water configurations possessing

a suitable cavity to host the solute, the quantity

hwa(X )ic cannot account for the solute–water H-

bond energy. In fact, a negligible fraction of water

molecules in the qc(X ) distribution would have the

correct orientation to form a H-bond with the solute

molecule inserted in the cavity [17]. Thus hwa(X)ic
should account only for the solute–water van der

Waals interaction energy, while the contribution of

solute–water H-bonds should be included in the

fluctuation term.

By adopting this line, hwa(X)ic=Ea(vdW), we have

found that the fluctuation term is large in the case of

n-alcohols [50], but negligible in the case of aro-

matics [17]. This finding implies that enthalpy–en-

tropy compensation holds for the weak H-bonds

between water and benzene, but not for the strong

alcohol–water H-bonds. In this respect, one has to

consider that (a) in order to form H-bonds with a

solute molecule, water molecules have to reorient

themselves; (b) this reorientation, a structural reorga-

nization, is characterized by enthalpy–entropy com-

pensation unless the external perturbation (i.e., the H-

bonding potential of the solute molecule) is very

strong [15].
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