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Abstract

The present work tries to clarify the molecular origin of the poor solubility of benzene in water. The transfer of
benzene from pure liquid phase into water is dissected in two processes: transfer from gas phase to pure liquid
benzene; and transfer from gas phase to liquid water. The two solvation processes are analyzed in the temperature
range 5—100°C according to Lee’s Theory. The solvation Gibbs energy change is determined by the balance between
the work of cavity creation in the solvent, and the dispersive interactions of the inserted benzene molecule with the
surrounding solvent molecules. The purely structural solvent reorganization upon solute insertion proves to be a
compensating process. The analysis shows that the work of cavity creation is larger in water than in benzene, whereas
the attractive energetic interactions are stronger in benzene than in water; this scenario is true at any temperature.
Therefore, both terms act in the same direction, contrasting the transfer of benzene from pure liquid phase into
water and determining its hydrophobicity. © 1999 Elsevier Science B.V. All rights reserved.
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1. Introduction celles and double-layer membranes, and the large

variety of molecular recognition processes [2,3].

Hydrophobicity, the poor solubility of non-polar
compounds in water, is a well-known natural
phenomenon. After the famous work by Kauz-
mann [1], it is considered the driving force for the
folding of globular proteins, the assembly of mi-
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However, a complete understanding, at a molecu-
lar level, of the physical origin of hydrophobicity
is still a matter of debate [4]. In this respect, also
the choice of the standard state to correctly mea-
sure the thermodynamic quantities has given rise
to long-standing controversy and confusion [5-7].
Actually, in our opinion, Ben-Naim has provided
a definition of solvation that is coherent and
consistent from the physico-chemical point of

0301-4622,/99/$ - see front matter © 1999 Elsevier Science B.V. All rights reserved.

PII: S0301-4622(99)00105-2



70 G. Graziano / Biophysical Chemistry 82 (1999) 69-79

view. According to Ben-Naim [8], the solvation
process is defined as the process of transferring
the solute molecule from a fixed position in an
ideal gas phase to a fixed position in the liquid
phase at constant temperature and pressure. This
definition, coupled to the use of the molar con-
centration scale, eliminates the volume effects
(thermal roaming of the solute molecules) pre-
sent when transferring molecules between phases
with different densities [8]. In the present work
we use only Ben-Naim standard quantities, de-
noted by a superscript filled circle.

It is well-known that aromatic and aliphatic
hydrocarbons differ considerably in water solubil-
ity; in fact, the solubility of liquid benzene in
water at 25°C amounts to 4.01 X 10~* whereas
that of liquid cyclohexane is 0.117 X 10™*, both
expressed in mole fractions, even though the two
hydrocarbons have rather similar molecular
weight and polarizability (w-cloud vs. six additio-
nal CH bonds) [9]. At room temperature the
transfer from pure liquid phase to water is slightly
exothermic or athermic for aliphatics, but en-
dothermic for aromatics; the heat capacity incre-
ment upon transfer to water, when normalized to
the accessible surface area proves to be smaller
for aromatics than for aliphatics [9]. Finally, a
significant difference in the osmotic second virial
coefficient in water between aromatics and
aliphatics has been pointed out [10]. All these
findings have led some authors to suggest that the
hydrophobicity of benzene would be caused by a
mechanism different from that operative for
aliphatic hydrocarbons. In particular, Makhatadze
and Privalov [11] concluded that ‘the hy-
drophobicity of aromatic hydrocarbons results not
from thermodynamically unfavorable interactions
with water, but from their more favorable interac-
tions with each other’. In other words, the ener-
getic interactions between aromatic molecules in
their pure liquid phase would be so strong to
dominate the thermodynamics of transfer into
water, even though it is well established that weak
H-bonds are formed between the aromatic ring
and water molecules [12,13]. The matter is very
important for a better understanding of the stabil-
ity of globular proteins, because Burley and Pet-
sko [14] pointed out that aromatic side-chains are

clustered in the protein interior, assuming a her-
ringbone geometry, resembling the disposition of
benzene molecules in the crystal structure [15].

The theoretical approach developed by Lee
[16-19] has proved successful to interpret and
rationalize the many and puzzling facets of hy-
drophobicity for aliphatic hydrocarbons and noble
gases [16,17,20-22]. Two fundamental points are
recognized by Lee’s theory. First, the standard
Gibbs energy change upon solvation is de-
termined by the balance of two contrasting fac-
tors: (a) the excluded volume effect, owing to
cavity creation in the solvent, which opposes sol-
vation; and (b) the establishment of attractive
dispersive solute—solvent interactions, which fa-
vor solvation. Second, the purely structural reor-
ganization of solvent molecules upon solute inser-
tion affords compensating enthalpy and entropy
contributions, and so does not affect the Gibbs
energy change. Hydrophobicity results from the
extremely large excluded volume effect in water,
due to the very small size of water molecules.
This geometric feature seems to play the decisive
role in the context of solvation thermodynamics.

On this basis, we think it necessary and useful
to apply Lee’s theory to analyze the hydrophobic-
ity of benzene, as prototype of aromatic hydrocar-
bons. Following Herzfeld’s suggestion [23], we
dissect the transfer from pure liquid phase into
water in two steps: (a) transfer from gas phase
into pure liquid phase at equilibrium vapor pres-
sure (i.e. g — | process); and (b) transfer from gas
phase into water at 1 atm (i.e. g = w process). As
a consequence, the change in the standard ther-
modynamic quantities for the 1 —w process is
given by:

AX*(I-w)=AX*(g—->w) —AX*(g—0D (1)

where X stands for C,.H, S and G. It is impor-
tant to remember that the thermodynamic quan-
tities associated with the transfer of non-polar
compounds into water markedly depend on tem-
perature [9,17,22], since the heat capacity change
is large and positive [24]. Therefore, for a com-
plete description of such phenomena, one should
consider the behavior of thermodynamic func-
tions over a large temperature range, not simply
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their value at an arbitrarily chosen temperature.
Indeed, we analyze the three transfer processes
over the temperature range 5-100°C, arriving at
interesting conclusions.

2. Theory of solvation

The change in a thermodynamic quantity upon
transfer of a non-polar molecule from gas phase
into a liquid solvent is made up of two parts: the
solute insertion represents the direct perturba-
tion; while the reorganization of surrounding sol-
vent molecules represents the response of the
solvent to the direct perturbation [19,22]. In fact,
the solvation enthalpy change is given by [17]:

AH®=E, + AH, 2

where E, is the purely dispersive solute—solvent
interaction energy, and is the enthalpic part of
the direct perturbation. The term AH, is the
enthalpy change associated with the purely struc-
tural solvent reorganization that happens as a
result of the direct perturbation.

For the entropy the situation is not so simple;
in fact, the solvation entropy change is given by
[25]:

AS®=AS,=AS, +AS,, 3)

The entropy change upon solvation is entirely
due to solvent reorganization because the solute
molecule is fixed in space using Ben-Naim’s stan-
dard. However, the excluded volume effect for
cavity creation has to be considered the entropic
part of the direct perturbation, not a response to
it [22,25]. The term AS, is the entropy contribu-
tion due to the excluded volume effect; we set
AS, = —AG,/T, since the work of cavity creation
is entirely entropic and due to the excluded
volume effect associated with the reduction in the
size of the configuration space accessible to the
solvent molecules [26,27]. A further reorganiza-
tion of solvent molecules around the solute hap-
pens as a response to the direct perturbation,
both volume exclusion and turning on

solute—solvent attractive potential [22,25]. The
term AS,, represents this non-excluded volume
contribution to the total entropy change upon
solvation; Lee has shown that it compensates the
enthalpy change due to the purely structural sol-
vent reorganization [17,18]:

TAS, =AH, (4)

The demonstration of this relationship is a crucial
point of Lee’s Theory of Hydrophobicity. As a
consequence, the total solvation Gibbs energy
change is given by:

AG*=E, -~ TAS, =E, + AG, (5)

3. Calculation procedure

The Gibbs energy cost to create a cavity in a
liquid is calculated by means of scaled particle
theory, SPT [28,29]. For water we use a hard-
sphere diameter equal to 2.75 A, close to the
location of the first peak of the oxygen—oxygen
radial distribution function of water [30]. For ben-
zene we use a hard-sphere diameter equal to 5.26
A [31]; this value is close to the first peak of the
ring center-ring center radial distribution func-
tion of liquid benzene at room temperature, as
determined from X-ray scattering [32], and com-
puter simulations [33,34]. The values of the hard-
sphere diameters are considered temperature-
independent [35]. Therefore, the temperature de-
pendence of AG, is solely due to that of liquid
density, a quantity experimentally determined
over a large temperature range for both benzene
[36], and water [37]. In particular, the solvent
packing density, &, passes from 0.526 at 5°C to
0.465 at 100°C for liquid benzene; and it passes
from 0.364 at 5°C to 0.349 at 100°C for liquid
water.

The excluded volume entropy contribution is
calculated according to the relation AS, =
—AG,/T [22,25]; the non-excluded volume en-
tropy contribution, AS,, is obtained, at any tem-
perature, by the difference AS® — AS,.
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The purely dispersive solute—solvent interac-
tion energy E, is calculated by means of Pierotti’s
formula [29]:

E,= —(64/3)Rée (0,5 /0,) (6)

where o, = (0, +0,)/2, &,,=(g,8,)"/?, and ¢,
and &, are the Lennard—Jones potential parame-
ters for the solvent and solute, respectively, mea-
suring the magnitude of the maximum attractive
potential energy. We use &¢/k = 85.3 K for water,
and 531 K for benzene [16]. The temperature
dependence of E, originates from that of the
solvent packing density. On the other hand, the
solvent reorganization contribution to the en-
thalpy change, AH,, is obtained, at any tempera-
ture, by the difference AH® —E,.

4. Experimental data for the g—1 and g—>w
processes

Since the experimental condensation data refer
to different pressures, we cannot obtain thermo-
dynamic solvation functions at a constant pres-
sure for the g — 1 process of benzene. However,
Marcus and Ben-Naim [38] showed that, to a
good approximation, the variation in pressure
between 0 and a few atmospheres causes a negli-
gible effect on AG®. Therefore, by assuming that
benzene in the gas phase obeys the following
equation of state:

pv=RT+Bp @)

Table 1
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where v is the molar volume of the gas and B is
the second virial coefficient, it can be shown that
the change in Ben-Naim standard Gibbs energy
upon transfer of benzene from such gas phase
into its pure liquid phase is given by [17]:

AG*® =RT In(p,v,/RT) + Bp,, ®)

where v, is the molar volume of the liquid and
Peq is the equilibrium vapor pressure. Similarly,
the change in the standard enthalpy is given by:

AH®=—-A, H+RT(1—a,T)
+peg(B—B'-T) ©)
where A, H is the vaporization enthalpy change

of the pure liquid, «, is its thermal expansion
coefficient, and B’ denotes the temperature
derivative of B. Thermodynamic properties of
liquid benzene at different temperatures, ob-
tained from data tabulated by Smith and Srivas-
tava [36], are listed in Table 1. The function AH*®
for benzene proves to be linearly dependent on
temperature, giving rise to a temperature-inde-
pendent ACy in the range 5-100°C.

For the transfer into water, g — w process, we
use the values of ACp°, AH®, AS® and AG® in
the range 5-100°C reported by Makhatadze and
Privalov [11]; these authors, starting from values
of the heat capacity change measured calorimetri-
cally [39], and experimental data for AH®, AS®
and AG*® at 25°C, calculated the latter functions
at different temperatures.

Thermodynamic properties of pure liquid benzene in the temperature range 5-100°C. They are obtained by linear interpolation of

the data compiled in reference [36]

T Peq v o;-107° A H B
(°O) (atm) (cm® mol™ 1) K™ (kI mol™ 1) (cm® mol™ 1)
5 0.046 87.31 1.18 35.0 —2137
25 0.125 89.40 1.24 33.8 —1673
50 0.355 92.19 1.28 32.4 —1287
75 0.851 95.34 1.37 31.0 —1037
100 1.775 98.65 1.46 29.5 —861




G. Graziano / Biophysical Chemistry 82 (1999) 69-79 73

5. Results and discussion

The experimental values of ACp', AH®, AS°®
and AG*® for the solvation of benzene in pure
liquid phase and in water in the range 5-100°C
are collected in Table 2. For the g — 1 process it
proves that: (a) the AG® values are large and
negative, and slowly decrease, in absolute value,
as a function of temperature, i.e. AG® = —20.0 kJ
mol~' at 5°C and —16.2 kJ mol~! at 100°C; (b)
the AH® and AS® values are always negative
and substantial, showing a temperature depen-
dence similar to that of AG®; and (c) ACy is
positive and constant, amounting to 49 J
K~ 'mol~'; this value is in good agreement with
the heat capacity change associated with benzene
vaporization at atmospheric pressure [40]. Under
Ben-Naim standard state conditions, the g—1
process for benzene is spontaneous over the whole
temperature range 5—100°C.

For the g — w process it proves that: (a) the
AG*® values are negative up to approximately
86°C and then become slightly positive, i.e. AG*®
= —5.6 kJ mol™! at 5°C and 0.5 kJ mol™! at
100°C; (b) the AH® and AS® values are large
and negative at 5°C, increase strongly with tem-
perature, but are still negative at 100°C; and (c)
the AC? values are large and positive at low
temperature, decrease on raising temperature, but
are still substantial at 100°C, i.e. ACP’=319 J
K~"mol ™! at 5°C and 231 J K~"mol ' at 100°C.

Table 2

Under Ben-Naim standard state conditions, the
g — w process for benzene is spontaneous below
86°C and non-spontaneous above.

It is worth noting that over the range 5-100°C
the function AG® increases by 3.8 kJ mol~! for
the g—1 process and by 6.1 kJ mol~! for the
g —>w process: the increments are not greatly
different, even though the temperature depen-
dence of AH® and AS® is very different for the
two processes.

6. Analysis of the Gibbs energy change

The calculated values of AG, and E, at the
different temperatures, for both the processes,
are reported in the second and third columns of
Table 3. At any temperature the estimates of AG,
in water are larger than those in benzene; this is
simply due to the very small size of water
molecules, as stressed by Lee [16—19], and other
authors [20-22,41,42]. In a solvent constituted by
small molecules the empty space is distributed in
smaller packets than in a solvent of large
molecules, and this renders the work of cavity
creation very large. Therefore, the molecular size
proves to be a characteristic length of the solvent.
On the contrary, the estimates of E, in benzene
are larger, in absolute value, than those in water
at any temperature. Since the estimates of E,
take into account solely the dispersive solute—

Ben-Naim standard thermodynamic quantities for the transfer of benzene from ideal gas phase into pure liquid phase at
equilibrium vapor pressure (a), and into water at 1 atm (b), in the temperature range 5-100°C

T AC; AH® AS® AG®
{®) UK 'mol™) (kJ mol™ 1) UK 'mol™) (kJ mol ™ 1)
a 5 49 —335 —48.3 —20.0
25 49 —324 —44.5 —-19.1
50 49 —31.0 —40.2 —18.0
75 49 —29.8 —36.7 -17.1
100 49 —28.7 —335 —-16.2
b 5 319 -35.7 ~108.4 ~56
25 292 ~296 —872 ~356
50 268 ~226 ~64.6 -17
75 248 —16.2 —453 —-0.4
100 231 —10.2 —28.7 0.5
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Table 3

Gibbs energies of cavity creation, dispersive interaction energies, calculated and experimental solvation Gibbs energies for benzene

G. Graziano / Biophysical Chemistry 82 (1999) 69-79

into pure liquid phase at equilibrium vapor pressure (a), and into water at 1 atm (b), in the temperature range 5-100°C

T AG, E, AG,+E, AG®
(°C) (kI mol™ 1) (kJ mol™ 1) (kJ mol ™) (kJ mol™ ")
a 5 29.9 —495 -19.6 —-20.0
25 29.8 —483 —-185 —-19.1
50 29.7 —46.9 -17.2 -18.0
75 29.2 —453 —-16.1 -171
100 28.7 —43.8 —15.1 -16.2
b 5 35.6 —424 —-6.8 -56
25 38.0 —423 —43 -36
50 40.5 —42.0 -15 -1.7
75 423 —414 0.9 —04
100 43.8 —40.7 3.1 0.5

solvent interaction energy, this finding is simply
related to the larger polarizability of benzene
with respect to water. A comparison between
calculated and experimental values of AG*® is
performed in the fourth and fifth columns of
Table 3. The agreement proves to be good over
the whole temperature range 5-100°C for both
the g —1 and g — w processes, even though the
discrepancy is larger in the case of water. This
finding is very important because it has to be
considered a demonstration of the validity of Eq.
(5) to quantitatively determine the Gibbs energy
change associated with the solvation process of
benzene. In particular, since the contribution to
the Gibbs energy from the weak polar interac-
tions occurring among benzene molecules in pure
liquid phase, and among benzene and water
molecules in aqueous phase is neglected in the
calculations, we conclude that an enthalpy—ent-
ropy compensation phenomenon is operative for
such interactions, as required by Eq. (4).

The ability of SPT to treat liquid benzene was
noticed a long time ago: Wilhelm and Battino [43]
found that SPT predicts, with good accuracy, the
vaporization enthalpy of liquid benzene. Such
success of SPT can be explained. By combining
neutron diffraction experiments and molecular
dynamics simulations, Cabaco and colleagues [34]
have shown that the local orientational order in
liquid benzene is almost isotropic, and only slightly
affected in the temperature range between the

melting point and the boiling point of benzene.
Therefore, since no specific orientation of the
molecules is privileged in liquid benzene, the
application of SPT (assuming that benzene
molecules are spherical with a hard-sphere di-
ameter close to the location of the first peak in
the ring center-ring center radial distribution
function) should lead to reliable results.

The fact that the temperature dependence of
AG?* is reproduced quite well by our simple calcu-
lations allows us to clarify its physical origin. For
the g — | process, the values of AG, are large and
positive and decrease slightly with temperature;
the values of E, are large and negative and
decrease, in absolute value, with temperature. At
any temperature |E,|> AG,, and so the values
of AG*® are large and negative; the decrease, in
absolute value, of AG*® on raising temperature
parallels that of |E, |. For the g — w process, the
values of AG, are large and positive and increase
with temperature, whereas E, is large and nega-
tive and decreases, in absolute value, very slightly
with temperature. The two quantities are not
greatly different and therefore, for temperatures
below 86°C, |E,|> AG,, whereas above 86°C
AG, > | E, | ; the temperature dependence of AG*®
parallels that of AG,. The different behavior of
AG, and E, in benzene and water as a function
of temperature is simply related to the tempera-
ture dependence of the density for the two lig-
uids.
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In general, on raising temperature, the liquid
density decreases and this lowers the Gibbs en-
ergy cost to create a cavity since there is more
empty space; on the other hand, a temperature
increase raises the mean kinetic energy of solvent
molecules bombarding the cavity surface, and thus
the value of AG, [28]. Moreover, a density de-
crease reduces the strength of the dispersive so-
lute—solvent interactions, because they are
strongly dependent on the relative distance among
interacting particles. For liquid benzene the den-
sity decrease is substantial, amounting to 11.5%
over the range 5-100°C [36], determining a lower-
ing of both AG, and | E, | ; for water, instead, the
density decrease is small, amounting to 4.2% over
the range 5-100°C [37], so that E, is very little
dependent on temperature and AG, increases
with temperature due to the contribution of the
mean kinetic energy of water molecules bombard-
ing the cavity surface. Therefore, the temperature
dependence of AG*® for the solvation of benzene
in pure liquid phase and in water is simply related
to that of the density for the two liquids. This
conclusion has a general validity for the solvation
of non-polar compounds, as recently confirmed by
Pratt and colleagues [44].

The g—1 process is always spontaneous be-
cause the dispersive interactions between ben-
zene molecules overwhelm the excluded volume
effect due to cavity creation; the g — w process is
spontaneous up to 86°C because the dispersive

Table 4

interactions between benzene and water
molecules more than counterbalance the work of
cavity creation, but the situation is reversed at
higher temperatures.

7. Analysis of enthalpy and entropy changes

At any temperature the estimates of E, for
both the g —1 and g — w processes prove to be
larger, in absolute sense, than the values of AH*®
(i.e. E,=—483 kJ mol™' in benzene at 25°C,
while AH®= —32.4 kJ] mol™'; E, = —423 kJ
mol ! in water at 25°C, while AH® = —29.6 kJ
mol~!). This means that the purely dispersive
interactions of benzene in pure liquid phase and
in water are more than enough to explain the
large and negative values of A H ®; therefore, the
purely structural solvent reorganization proves to
be an endothermic process both in benzene and
in water. Such feature of the solvent reorganiza-
tion contrasts with the traditional expectation
originated from the famous work of Frank and
Evans [45], but is in perfect agreement with what
has been determined for aliphatic hydrocarbons
and noble gases [17,21,22].

We have determined AH, for both the
processes by means of Eq. (2), using the experi-
mental values of AH*® and those calculated for
E,; such estimates are reported in the third
column of Table 4. It is evident that the enthalpy

Contribution of solvent reorganization to the solvation of benzene into pure liquid phase at equilibrium vapor pressure (a), and into

water at 1 atm (b), in the temperature range 5-100°C

T AH® AH, AS® AS, AS,,
(°C) (kJ mol™ 1) (kJ mol™ 1) UK 'mol™ ) UK 'mol™) 0K 'mol™)
a 5 -335 16.0 —483 —-107.5 59.2
25 -324 15.9 —445 —100.0 55.5
50 -31.0 15.9 —40.2 -91.9 517
75 -29.8 155 —-36.7 -83.9 472
100 —28.7 15.1 —-335 —-176.9 434
b 5 —-35.7 6.7 —108.4 —128.0 19.6
25 —29.6 12.7 —87.2 —1275 40.3
50 -226 19.4 —64.6 —1253 60.7
75 -16.2 25.2 —453 —1215 76.2
100 -10.2 30.5 —28.7 —1174 88.7
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of solvent reorganization for the g—1 process
shows a qualitatively different temperature de-
pendence with respect to the corresponding quan-
tity for the g — w process. In fact, the values of
AH, for the g—1 process slightly decrease,
whereas those for the g — w process strongly in-
crease over the temperature range 5-100°C (i.e.
AH, passes from 16.0 to 15.1 kJ mol~! for the
g — | process, whereas it passes from 6.7 to 30.5
kJ mol™' for the g—w process). This finding
agrees with the results of the analysis performed
by Lee on aliphatic hydrocarbons [17].

The solvent reorganization contribution to the
solvation entropy change has been broken into its
two components, AS, and AS,,, respectively, ac-
cording to Eq. (3), using the experimental values
of AS® and the estimates of AS, obtained by
means of AS,= —AG_/T. The corresponding
values are reported in the fifth and sixth columns
of Table 4. The AS, term is large and negative
for both the g — 1 and g — w processes; however,
on raising temperature, it decreases, in absolute
value, faster in benzene than in water, reflecting
the different temperature dependence of the work
of cavity creation in the two solvents, which, in
turn, reflects the behavior of the density of the
two liquids. The AS|, term is positive for both the
g—1 and g — w processes: the purely structural
reorganization of solvent causes an increase of
entropy. This positive contribution decreases with
temperature in benzene, whereas it significantly
increases in water; the different temperature de-
pendence parallels that of AH, because Eq. (4)
holds. Actually, the values of AS,, in Table 4,
when multiplied by 7', do not perfectly compen-
sate the values of AH,, due to the procedure
adopted to estimate them.

It is possible to give a microscopic interpreta-
tion to these results. The creation into pure liquid
phase of a cavity to be occupied by a benzene
molecule causes the breakage of many interac-
tions among the surrounding benzene molecules,
owing to their weakness in comparison with the
random thermal energy. This reorganization pro-
vides a positive contribution to both the enthalpy
and entropy. Introducing the benzene molecule
and turning on the attractive potential causes a
further reorganization of surrounding benzene

molecules which affords a negative contribution
to both the enthalpy and entropy, since several
interactions are reconstituted. The analysis shows
that the total reorganization process of benzene
molecules has associated positive enthalpy and
entropy changes, that compensate each other at
any temperature, since direct application of Eq.
(5) is able to satisfactorily reproduce the experi-
mental AG*® values.

On the other hand, the creation in water of a
cavity with the geometric features required to
host a benzene molecule strongly perturbs the
three-dimensional H-bonded network of liquid
water, causing either the loss of a few H-bonds or
the local weakening of the network itself. The
situation should resemble that in the first water
layer outside a planar and smooth hydrophobic
surface [46]: water molecules point in toward the
surface one OH-bond vector, sacrificing one pos-
sibility of H-bonding. However, in the case of
benzene, the very large and positive enthalpy
change for cavity creation is partially counter-
balanced by the negative enthalpy contribution
arising from the solvent reorganization upon turn-
ing on the attractive benzene—water potential. In
fact, two water molecules located close to the C,
axis of benzene, each on a face of the aromatic
ring, form weak H-bonds by pointing their hydro-
gen atoms toward the w-cloud [47]. The forma-
tion of these weak H-bonds, by rendering more
rigid the hydration shell, gives a negative con-
tribution also to the entropy. Therefore, the total
reorganization process is moderately endothermic
around room temperature, suggesting that water
molecules in the hydration shell do not really lose
H-bonds.

8. Analysis of the 1 - w process

The changes in the standard thermodynamic
functions for the transfer of benzene from pure
liquid phase at equilibrium vapor pressure into
water at 1 atm, in the temperature range 5-100°C,
calculated by means of Eq. (1), are collected in
Table 5. The process is endothermic at room
temperature and above; furthermore, it is non-
spontaneous, in the whole temperature range
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Table 5

Transfer thermodynamics of benzene from pure liquid phase at equilibrium vapor pressure into water at 1 atm, in the temperature

range 5-100°C

T AC? AH® AS® AG®
(°C) UK 'mol™) (kJ mol™ 1) K 'mol™) (kI mol™ 1)
5 270 -22 —60.1 14.4
25 243 2.8 —42.7 155
50 219 8.4 —24.4 16.3
75 199 13.6 —-8.6 16.7
100 182 185 4.8 16.7

5-100°C, because AG® is positive and slightly
increasing with temperature.

The values of AAG, = AG (water) — AG,-
(benzene) and AE, = E, (water) — E,(benzene) are
reported in the second and third columns of
Table 6, respectively. It proves that both the
quantities are positive in the temperature range
5-100°C, because: (a) the Gibbs energy cost of
cavity creation is larger in water than in benzene;
and (b) the purely dispersive energetic interac-
tions are stronger in benzene than in water. In
other words, both the excluded volume effect and
the dispersive interactions operate in the same
direction, contrasting the transfer of benzene from
pure liquid phase to water. The calculated AG*®
values are reported in the fourth column of Table
6: they are in satisfactory agreement with the
experimental ones.

It is important to note that, at room tempera-
ture, the excluded volume effect and the disper-
sive interactions contribute to the same extent in
determining the positive value of AG®, whereas,
above 50°C, the excluded volume effect plays the
dominant role. To gain further insight it is useful
to make a comparison with aliphatic hydrocar-

Table 6

bons. We consider two hydrocarbons similar in
size to benzene: (a) for neopentane (o = 5.80 A),
at 25°C, the transfer from pure liquid phase into
water is characterized by AG®=22.5 kJ mol !,
with AAG,=46.5-27.6=189 kJ mol™' and
AE, = —36.0+39.6=3.6 kJ mol~! [17]; and (b)
for c-hexane (o =5.63 A), at 25°C, the transfer
from pure liquid phase into water is characterized
by AG® =23.7 k] mol !, with AAG, = 42.7 —30.5
=122 kI mol™" and AE, = —38.1+495=114
kJ mol™! (unpublished results). These numbers
clearly indicate that the physical mechanism de-
termining the hydrophobicity of benzene is identi-
cal to that operative for aliphatic hydrocarbons.
In fact, the excluded volume effect due to cavity
creation is the fundamental determinant, even
though also dispersive interactions play an active
role. However, it is a general result for large
hydrocarbons that dispersive interactions are
stronger in their pure liquid phase than in water,
regardless of their nature, aliphatic or aromatic
(this is a very important topic to be properly
addressed in a separate work). Therefore, the
analyses performed by Makhatadze and Privalov
[11] on one hand, and by Costas and Kronberg

Calculated transfer thermodynamics of benzene from pure liquid phase at equilibrium vapor pressure into water at 1 atm, in the

temperature range 5-100°C

T AAG, AE, AAG,+ AE, AG®
(°C) (kJ mol™ ") (kJ mol™ 1) (kJ mol™ 1) (kJ mol™ 1)
5 5.7 7.1 12.8 14.4
25 8.2 6.0 14.2 155
50 10.8 49 15.7 16.3
75 13.1 3.9 17.0 16.7
100 15.1 3.1 18.2 16.7
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[48] on the other, do not approach the question
on the right track and lead to incorrect physical
interpretations. On the contrary, the present study
confirms the general validity of Lee’s Theory to
interpret and explain, in physically reliable terms,
hydrophobicity.

Acknowledgements

Work supported by the COFIN-MURST97-
CFSIB grant from the Italian Ministry for Uni-
versity, Scientific and Technological Research
(M.U.R.S.T., Rome).

References

(1]

[2]
[3]
[4]

(5]

(6]
(71

[10]

[11]

[12]

[13]

[14]

W. Kauzmann, Some factors in the interpretation of
protein denaturation, Adv. Protein Chem. 14 (1959)
1-63.

C. Tanford, The Hydrophobic Effect, Wiley, New York,
1980.

K.A. Dill, Dominant forces in protein folding, Biochem-
istry 29 (1990) 7133-7145.

W. Blokzijl, J.B.F.N. Engberts, Hydrophopbic effects.
Opinion and facts, Angew. Chem., Int. Ed. Engl. 32
(1993) 1545-1579.

K.A. Sharp, A. Nicholls, R. Friedman, B. Honig, Extract-
ing hydrophobic free energies from experimental data:
relationship to protein folding and theoretical models,
Biochemistry 30 (1991) 9686—9697.

B. Lee, Relation between volume correction and the
standard state, Biophys. Chem. 51 (1994) 263-269.

R.L. Mancera, B. Kronberg, M. Costas, R. Silveston,
Thermodynamics of the hydration of non-polar sub-
stances, Biophys. Chem. 70 (1998) 57-63.

A. Ben-Naim, Solvation Thermodynamics, Plenum Press,
New York, 1987.

P.L. Privalov, S.J. Gill, Stability of protein structure and
hydrophobic interaction, Adv. Protein Chem. 39 (1988)
191-234.

P.J. Rossky, H.L. Friedman, Benzene—benzene interac-
tion in aqueous solution, J. Phys. Chem. 84 (1980)
587-589.

G.I. Makhatadze, P.L. Privalov, Energetics of interac-
tions of aromatic hydrocarbons with water, Biophys.
Chem. 50 (1994) 285-291.

M. Levitt, M. Perutz, Aromatic rings act as hydrogen
bond acceptors, J. Mol. Biol. 201 (1988) 751-754.

S. Suzuki, P.G. Green, R.E. Bumgarner, S. Dasgupta,
W.A. Goddard, G.A. Blake, Benzene forms hydrogen
bonds with water, Science 257 (1992) 942-945.

S.K. Burley, G.A. Petsko, Aromatic—aromatic interac-

[15]

[16]

[17]

[18]

[19]

[20]

[21]

[22]

[23]

[24]

[25]

[26]

[27]

[28]

[29]

[30]

[31]

[32]

[33]

tion: a mechanism of protein structure stabilization,
Science 229 (1985) 23-28.

E.G. Cox, D.WJ. Cruickshank, J.A.C. Smith, The crystal
structure of benzene at —3°C, Proc. R. Soc. London
Ser. A 247 (1958) 1-21.

B. Lee, The physical origin of the low solubility of
nonpolar solutes in water, Biopolymers 24 (1985)
813-823.

B. Lee, Solvent reorganization contribution to the trans-
fer thermodynamics of small nonpolar molecules, Biopo-
lymers 31 (1991) 993-1008.

B. Lee, Enthalpy—entropy compensation in the thermo-
dynamics of hydrophobicity, Biophys. Chem. 51 (1994)
271-278.

B. Lee, Analyzing solvent reorganization and hy-
drophobicity, Methods Enzymol. 259 (1995) 555-576.
G. Graziano, Thermodynamics of dissolving gaseous ar-
gon in different solvents, Can. J. Chem. 76 (1998)
437-444.

G. Graziano, On the size dependence of hydrophobic
hydration, J. Chem. Soc. Faraday Trans. 94 (1998)
3345-3352.

G. Graziano, On the temperature dependence of hydra-
tion thermodynamics for noble gases, Phys. Chem. Chem.
Phys. 1 (1999) 1877-1886.

J. Herzfeld, Understanding hydrophobic behavior, Sci-
ence 253 (1990) 88.

G. Graziano, G. Barone, Group additivity analysis of the
heat capacity changes associated with the dissolution
into water of different organic compounds, J. Am. Chem.
Soc. 118 (1996) 1831-1835.

B. Lee, G. Graziano, A two-state model of hydrophobic
hydration that produces compensating enthalpy and en-
tropy changes, J. Am. Chem. Soc. 118 (1996) 5163-5168.
B. Lee, A procedure for calculating thermodynamic
functions of cavity formation from the pure solvent
simulation data, J. Chem. Phys. 83 (1985) 2421-2425.
B. Madan, B. Lee, Role of hydrogen bonds in hy-
drophobicity: the free energy of cavity formation in
water models with and without the hydrogen bonds,
Biophys. Chem. 51 (1994) 279-289.

H. Reiss, Scaled particle methods in the statistical ther-
modynamics of fluids, Adv. Chem. Phys. 9 (1966) 1-84.
R.A. Pierotti, A scaled particle theory of aqueous and
nonaqueous solutions, Chem. Rev. 76 (1976) 717-726.
A.H. Narten, H.A. Levy, Observed diffraction pattern
and proposed models of liquid water, Science 165 (1969)
447-454.

E. Wilhelm, R. Battino, Estimation of Lennard-Jones
(6,12) pair potential parameters from gas solubility data,
J. Chem. Phys. 55 (1971) 4012-4017.

A.H. Narten, X-ray diffraction pattern and models of
liquid benzene, J. Chem. Phys. 67 (1977) 2102-2108.

P. Linse, Thermodynamic and structural aspects on lig-
uid and solid benzene. Monte Carlo study, J. Am. Chem.
Soc. 106 (1984) 5425-5430.



[34]

[35]

[36]

[37]

[38]

[39]

[40]

[41]

G. Graziano / Biophysical Chemistry 82 (1999) 69-79 79

M.I. Cabaco, Y. Danten, M. Besnard, Y. Guissani, B.
Guillot, Neutron diffraction and molecular dynamics
study of liquid benzene and its fluorinated derivatives as
a function of temperature, J. Phys. Chem. B 101 (1997)
6977-6987.

E. Wilhelm, On the temperature dependence of the
effective hard sphere diameter, J. Chem. Phys. 58 (1973)
3558-3560.

B.D. Smith, R. Srivastava, Thermodynamic Data for
Pure Compounds, Part A, Hydrocarbons and Ketones,
Elsevier, Amsterdam, 1986.

G.S. Kell, Density, thermal expansivity, and compress-
ibility of liquid water from 0 to 150°C: correlations and
tables for atmospheric pressure and saturation reviewed
and expressed on 1968 temperature scale, J. Chem. Eng.
Data 20 (1975) 97-105.

A. Ben-Naim, Y. Marcus, Solvation thermodynamics of
nonionic solutes, J. Chem. Phys. 81 (1984) 2016—-2027.
G.I. Makhatadze, P.L. Privalov, Partial specific heat
capacity of benzene and of toluene in aqueous solution
determined calorimetrically for a broad temperature
range, J. Chem. Thermodyn. 20 (1988) 405-420.

R.C. Weast (Ed.), Handbook of chemistry and physics,
53rd edition, Chemical Rubber Co., Cleveland, Ohio,
1972.

M. Lucas, Size effect in transfer of nonpolar solutes

[42]

[43]

(44]

[45]

[46]

[47]

(48]

from gas or solvent to another solvent with a view on
hydrophobic behavior, J. Phys. Chem. 80 (1976) 359-362.
A. Wallgvist, D.G. Covell, On the origins of the hy-
drophobic effect: observations from simulations of n-
dodecane in model solvents, Biophys. J. 71 (1996)
600—-608.

E. Wilhelm, R. Battino, On the calculation of heats of
vaporization from hard sphere equations of state, J.
Chem. Phys. 58 (1973) 3561-3564.

S. Garde, A.E. Garcia, L.R. Pratt, G. Hummer, Temper-
ature dependence of the solubility of non-polar gases in
water, Biophys. Chem. 78 (1999) 21-32.

H.S. Frank, M.W. Evans, Free volume and entropy in
condensed systems. III. Entropy in binary liquid mix-
tures; partial molar entropy in dilute solutions; structure
and thermodynamics in aqueous electrolytes, J. Chem.
Phys. 13 (1945) 507-532.

C.Y. Lee, J.A. McCammon, P.J. Rossky, The structure
of liquid water at an extended hydrophobic surface, J.
Chem. Phys. 80 (1984) 4448-4455.

P. Linse, Molecular dynamics simulation of a dilute
aqueous solution of benzene, J. Am. Chem. Soc. 112
(1990) 1744-1750.

M. Costas, B. Kronberg, Thermodynamics of aliphatic
and aromatic hydrocarbons in water, Biophys. Chem. 74
(1998) 83-87.



