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Solute–solvent hydrogen bonding affects reactivity and other properties of dissolved species. In self-associated media,
because of cooperativity and solvent reorganization, the thermodynamic functions of solute bonding with bulk solvent
can be different from those of bimolecular solute–solvent complexes. Using available experimental data on the Gibbs
free energies of solvation in aliphatic alcohols and water, we have determined the energies of solute–solvent hydrogen
bonding for various proton accepting solutes. We show that the increase in the strength of hydrogen bonds because of
the cooperative effect is strong for bonding with bulk water and significantly less so with bulk aliphatic alcohols. The
hydrogen bondingGibbs free energies for the same solutewith bulkwater and alcohol are correlated, but they correlate
poorly with the energies of formation of the corresponding bimolecular solute–solvent complexes. Thus, the traditional
hydrogen bond basicity scales, based on data for bimolecular complexes, do not correctly describe the thermodynamics
of hydrogen bonding with self-associated solvents. Our results may help to define a separate solute basicity scale for
associated media. Copyright © 2012 John Wiley & Sons, Ltd.
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INTRODUCTION

For chemistry and biochemistry, hydrogen bonding is an ulti-
mately important type of intermolecular interactions. Many current
fundamental scientific problems are in some way connected with
the hydrogen bonds. We can mention protein folding and DNA
stability, the structure of liquid water, molecular recognition by
enzymes and receptors as the examples.
Over the past 70 years, there have been many thousands of

studies dedicated to the determination of thermodynamic func-
tions of hydrogen bonding. Such methods as infrared and nuclear
magnetic resonance spectroscopy have provided us with plenty of
experimental data,[1,2] mostly for the hydrogen bonds between
two molecules diluted in an inert solvent. The data have been
analyzed to deduce the connection between hydrogen bond
thermodynamics and the structure of interacting molecules.
Several relatively general empirical relationships have been
discovered. These are equations suggested by Drago et al.,[3]

Abraham,[4] and Raevsky et al.[5] The predictive ability of empirical
equations is quite good. These results have promoted the
development of a statistical approach to predict different physical,
chemical, and biological properties of chemical substances known
as QSAR (quantitative structure–activity relationships) and QSPR
(quantitative structure–property relationships).[6] A number of
scales of proton-accepting and proton-donating ability have been
suggested and used in structure–property correlations, such as
a and b scale,[4] Catalán SA and SB scales,[7] and the Gutman accep-
tor and donor numbers (AN and DN).[8] The above-mentioned
equations and parameters of hydrogen bond acidity and basicity
used in them have became the basis for the description of the
influence of hydrogen bonding on various physico-chemical
processes.[9,10]

The empirical equations have been derived for bimolecular
hydrogen-bonded complexes in inert solvent media, primarily
tetrachloromethane. For applications, it is more important to con-
sider hydrogen bonds between a solute and solvent, which have
a large impact on solute reactivity and other physico-chemical
properties. We have shown[11,12] that the values of thermodynamic
functions for equimolar complexes with solvents having a single
basic or acidic center are close to those for the same complex in
inert medium. However, the equations and data obtained for
bimolecular complexes in inert medium may become useless
when one considers the complexes formed by solutes with hydro-
gen-bonded multimers of self-associated solvents.

Self-associated solvents— from water to monohydric and poly-
hidric aliphatic alcohols, amides, aminoalcohols — are outstand-
ingly important from both theoretical and practical points of view.
At the same time, the thermodynamics of solute–solvent hydrogen
bonding in such solvents is not well-studied. A direct experimental
measurement of the complexation constants in the bulk associated
solvents using vibrational or nuclear magnetic resonance spectros-
copy is a very difficult task. In several works,[13,14] spectroscopic
techniques have been used to obtain the value of the fraction of
solute involved in H-complexes with water at different solute
concentrations, but for infinitely diluted solutions it appeared to
be close to unity. This fact makes it impossible for us to calculate
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the constant or the standard Gibbs free energy of hydrogen bond-
ing with satisfactory precision. The degrees of bonding with water
in diluted solutions were also estimated for a few solutes from
molecular dynamics simulations and neutron diffraction data.[15]

These results are quite different from those obtained using
spectroscopy and depend on the chosen geometric criteria of
existence of a hydrogen bond. We believe that a more fruitful
approach is the use of extrathermodynamic models to analyze
the thermodynamic functions of solvation in associated solvents,
which include a contribution of solute–solvent hydrogen-bonding
processes.

METHODOLOGY

The importance of the solute–solvent specific interactions
energy term

For a given chemical reaction, the solvent effect on its standard
thermodynamic functions is determined by the difference
between the thermodynamic functions of solvation of products
and reagents. The change of the energy of solute–solvent hydro-
gen bonds during the reaction can be a major contribution to
the solvent effect, especially if the reaction goeswithout significant
rearrangements of the structure of reagents (e.g., creation of new
functional groups). A striking example is the reaction where only
new hydrogen bonds between two dissolved compounds are
formed. Such processes of noncovalent binding are very important
for supramolecular chemistry and biological systems. The solvent
effect on the constant of complexation will be determined by the
Gibbs free energies of specific hydrogen bonding interactions
with the solvent of those donor and acceptor centers of two
solutes that are involved in mutual binding. Also, if the solvent is
self-associated, the values of the Gibbs free energies of H-bonding
with solvent cannot be approximated with the Gibbs free energies
of 1 : 1 solute–solvent complexation.

Cooperative effects influence the energy of hydrogen bonds
formed between solute and solvent multimers. For example, the
internal energies and enthalpies of formation for complexes of
proton accepting molecules with dimers of alcohols are more
negative than for complexes with a single alcohol molecule.[16]

The magnitude of the energy change because of the cooperative
effect is, in general, dependent on the nature of a proton
acceptor.[17]

Moreover, the concentration of free proton-donating groups
and lone pair electrons in self-associated solvents is always lower
than the concentration of solvent molecules, because the majority
of them are involved in solvent–solvent hydrogen bonds. For
example, in liquid water only about 10% of hydrogen atoms in
O–H groups are not involved in O–H. . .O bonds.[18] Thus, breaking
of some solvent–solvent bonds is required to bind a dissolved
proton-accepting molecule. The number of solvent–solvent bonds
that are cleaved upon dissolution can be different for different
solvents and solutes.

The contribution of dissociation of solvent–solvent hydrogen
bonds into the Gibbs free energy and enthalpy of specific interac-
tions is positive by sign. The enthalpies of specific interactions
of proton acceptors with alcohols are less negative than the
enthalpies of formation of corresponding 1 : 1 complexes in inert
solvent.[19] However, the Gibbs free energies of specific interac-
tions of amines and pyridines with water were found to be more
negative than those of 1 : 1 complexation in tetrachloromethane[20]

because of cooperative effects.

The present work is devoted to the determination of the Gibbs
free energies of specific interactions of various solutes with mono-
hydric alcohols and liquid water and subsequent analysis of these
data to study the peculiarities of bonding with solvent polymers.

Terminology and procedure of calculation

We consider the solvation process of solute A from gas phase into
solvent S at 298K at 1 bar standard pressure and using unit molar
fraction standard state for solutions, the standard Gibbs free
energy of solvation is denoted as ΔsolvG

A/S.
In our works[20–22] we have shown that the Gibbs free energy of

solvation in water and aliphatic alcohols can be represented as a
sum of three contributions: because of nonspecific (van der Waals)
solvation effects Δsolv(nonsp)G

A/S, because of the solvophobic (or
hydrophobic in the case of water) effect Δs.e.G

A, and the specific
interactions term Δint(sp)G

A/S because of hydrogen bonding
between solute A and solvent S (if a solute cannot form hydrogen
bonds with a solvent, this term is zero)

Δ solvG
A=S ¼ Δ solv nonspð ÞGA=S þ Δ s:e:G

A þ Δ intðspÞGA=S: (1)

The magnitude Δ int(sp)G
A/S is the difference in the Gibbs free

energies of a mixture of solute–solvent complexes in solution
and a non-hydrogen-bonded state of a dissolved molecule. It is
related to the fraction of non-hydrogen-bonded molecules of
solute in solution among all solute molecules aA/S and to the
effective constant KA/S of complexation with the multimers of bulk
solvent through the following expressions:

Δ intðspÞGA=S ¼ RT ln aA=S ¼ �RT ln 1þ K A=S
� �

; (2)

where the effective constant for all possible solute–solvent
association processes:

Aþ S ¼ AS;
Aþ S2 ¼ AS2;

. . .
Aþ Sn ¼ ASn;

is defined asKA=S ¼
P

A...Sn½ �
A½ � (the concentration of solvent or any of

its multimers Sn cannot be changed, thus the constant is not

dependent on them), and aA=S ¼ A½ �
A�þ

P
A...Sn½ �½ .

Belowwe compare the processes of bondingwith bulk solvent S
and with a monomer of S in inert solvent. The Gibbs free energies
of hydrogen bonding between two molecules A and S in inert
solvents (let us denote itΔHBG

A . . . S) are given by ΔHBG
A . . . S =� RT

ln KA . . . S, where KA . . . S is the constant of A–S binary complex
formation in molar fraction scale. To characterize the affinity of
solute to the bulk solvent, it is reasonable to use the standard
Gibbs free energy of solute–solvent hydrogen bonding ΔHBG

A/S =
� RTlnKA/S. This magnitude can be assumed to be equal to the
solute–solvent specific interaction Gibbs free energy Δ int(sp)G

A/S

only for strong complexes, if about 100% of A is bonded with S.
For the general case

ΔHBG
A=S ¼ �RT ln e�

Δ intðspÞGA=S
RT � 1

� �
: (3)

For strong complexes (large values of KA/S) this correction
for complexation degree could be neglected. For example, if
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Δ int(sp)G
A/S = – 8 kJ�mol–1, then ΔHBG

A/S = –7.9 kJ�mol–1 — only
0.1 kJ�mol–1 difference (K A/S = 24, or 96% of solute is bonded). On
the other hand, if Δ int(sp)G

A/S = – 1.7 kJ�mol–1, then ΔHBG
A/S = 0

kJ�mol–1, and the difference is 1.7 kJ�mol–1 (K A/S = 1, or 50% of
solute is bonded). It should be noted that, when we convert the
values of Δ int(sp)G

A/S into ΔHBG
A/S using (3), there are large uncer-

tainties in the values of ΔHBG
A/S if they are positive or close to

zero.
The contributions of nonspecific solvation to the Gibbs free

energy of solvation for various solutes A in various solvents S
have been shown[23,24] to follow the empirical equation

Δ solv nonspð ÞGA=S ¼ ΔsolvGA=S0 þ dgS � dgS0
� ��VxAþ

þ aþ b
ffiffiffiffiffiffiffi
dgS

ph i
�
h
ΔsolvGA=SR � ΔsolvGA=S0
� �

� dgSR � dgS0
� ��VxAÞ; a ¼ �

ffiffiffiffiffiffiffiffiffi
dgS0

p
=
� ffiffiffiffiffiffiffiffiffi

dgSR
p

�
ffiffiffiffiffiffiffiffiffi
dgS0

p
Þ; b ¼ 1=

ffiffiffiffiffiffiffiffiffi
dgSR

p
�

ffiffiffiffiffiffiffiffiffi
dgS0

p� �
:

(4)

Here, Δ solvGA=S0 , Δ solvGA=SR are the Gibbs free energies of
solvation of solute A in the standard solvents S0 and SR (in the
present work hexadecane and benzene respectively), VxA is the
characteristic volume[25] of solute A calculated by an atom-
additivity scheme, dgS, dgSR , dgS0 are the relative cavity formation
Gibbs free energies for each solvent. dgS is given by the follow-
ing equation:

dgS ¼ Δ solvG
C8H18=S � Δ solvG

C8H18=C16H34

� �
=Vx

C8H18 ; (5)

where C8H18 is n-octane, and C16H34 is n-hexadecane. This
parameter reflects the propensity of solvent molecules to the
nonspecific interactions with both other solvent molecules and
solute molecules. In the case of associated solvents, we have also
made a correction for the solvophobic effect of octane, what has
been described in detail in our previous paper.[21]

The contribution because of the solvophobic effect reflects
the difference in behaviour of solutions in associated solvents
from solutions in other solvents, which leads to more positive
Gibbs free energies of solvation in associated solvents. We have
shown that the Gibbs free energies of hydrophobic effect and
solvophobic effects in aliphatic alcohols are linearly dependent
on the characteristic molecular volume of the solute[21]

Δ s:e:G
A=S ¼ k SVx

A þ bS: (6)

Solvent–solvent intermolecular interactions in self-associated
solvents appear to be stronger than could be predicted using
dgS parameter describing the strength of solute–solvent nonspe-
cific interactions. Any molecule being dissolved in water or
alcohols has an extra chemical potential depending only on its
volume. The values of k and b coefficients in Eqn (6) for different
solvents are given in Table 1. It can be pointed out that such well-
known hydrophobicity parameter as octanol-water partition
coefficient logP cannot be used to describe the contribution of
the hydrophobic effect to the Gibbs free energy of solvation,
because it is also dependent on the energies of nonspecific
interactions of a solute with both water and octanol, and of the
solvophobic effect in octanol.

Thus, the Gibbs free energy of solute–solvent specific
interactions can be determined by Eqn (1) rewritten as Δ int(sp)

GA/S =Δ solvG
A/S�Δ solv(nonsp)G

A/S�Δ s.e.G
A using a number of

experimental thermodynamic data and molecular parameters
for Eqns (3)–(5). In our previous works[20,22] we have calculated
the values of Δ int(sp)G

A/S for a number of proton acceptors in
water. Here we extend the number of considered solutes and
report their values of Δ int(sp)G

A/S in several monohydric alcohols
along with novel and previously published data for their
aqueous solutions.

RESULTS AND DISCUSSION

The calculated values of the Gibbs free energies of nonspecific
solvation, solvophobic effect, and specific interactions with
water and alcohols are given in Table 2. The values of the Gibbs
free energies of solvation in alcohols, water, and in other
solvents that are necessary to calculate Δ solv(nonsp)G

A/S are taken
from literature.[26–28] A general schematic representation of the
relationship between these three terms is shown in Fig. 1. The
difference between solvation Gibbs free energy and nonspecific
solvation Gibbs free energy in water is plotted against character-
istic molecular volumes of solutes VxA . The deviation of data
points from the straight line representing the correlation
between the hydrophobic effect energy and VxA is the Gibbs
specific interactions energy. It can be seen from Table 1 and Fig. 1
that the Gibbs free energies of hydrogen bonding for molecules
having the same functional group and different alkyl
chain length are usually almost the same. A replacement of alkyl
substituent with aryl can also have little or no effect on the
Δ int(sp)G

A/S value: the examples are acetonitrile and benzonitrile,
acetone and acetophenone, nitroethane and nitrobenzene.

The values of Δ int(sp)G
A/S for all solutes and solvents are

negative. An important point here is the necessity to take the
solvophobic effects into account. In calculations of the Gibbs free
energies of specific interactions with alcohols without modifica-
tion of dgS parameter we obtain positive values for most of
the solutes, which is an unphysical result inconsistent with the
second law of thermodynamics.

Now let us consider the magnitude of Δ int(sp)G
A/S for the same

solute in different alcohols. The difference between their values
for any solute from Table 2 in any two different alcohols usually
fall to the bounds of uncertainties of Eqns (4)–(6) and of the
experiment, which can be up to 1–1.5 kJ�mol–1. The root mean
square deviation s for 17 Gibbs free energies of hydrogen
bonding for the same solute with methanol and octanol is

Table 1. Parameters of solvents used in Eqns (4) and (6) (at
298 K)

Alcohol (ROH) ka ba dg/ kJ�cm–3�102 a

Water 22.02 3.65 5.75
Methanol 5.17 0.23 2.60
Ethanol 3.98 0.83 1.11
Propanol 3.94 0.36 0.94
Butanol 3.06 0.50 0.65
Octanol 1.78 0.60 0.20
aTaken from [21].
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Table 2. The Gibbs free energies of nonspecific solvation, solvophobic effect, and specific interactions in diluted aqueous and
alcoholic solutions of various proton accepting solutes (at 298 K in kJ�mol–1)

Solute (A) Solvent(S) ΔsolvG
A/S Δsolv(nonsp)G

A/S Δs.e.G
A Δint(sp)G

A/S

Acetone Methanol �0.6 �2.4 3.1 �1.2
2-Butanone Methanol �3.2 �5.0 3.8 �1.9
2-pentanone Methanol �4.5 �7.8 4.5 �1.2
2-Hexanone Methanol �5.9 �10.3 5.2 �0.9
2-Heptanone Methanol �9.1 �12.6 6.0 �2.5
Dimethylamine Methanol 1.2 2.2 2.8 �3.8
Diethylamine Methanol �5.4 �2.3 4.2 �7.3
Triethylamine Methanol �6.0 �6.1 5.7 �5.6
Acetonitrile Methanol �1.0 �2.8 2.3 �0.5
Methyl acetate Methanol �0.8 �3.3 3.4 �0.8
Propyl acetate Methanol �4.2 �8.0 4.8 �1.1
Butyl acetate Methanol �6.5 �10.2 5.5 �1.9
Methyl propanoate Methanol �2.2 �5.4 4.1 �0.9
Methyl hexanoate Methanol �8.5 �12.9 6.3 �1.9
Methyl pentanoate Methanol �6.4 �10.4 5.5 �1.6
1,4-Dioxane Methanol �4.8 �8.2 3.8 �0.3
Butyl ether Methanol �4.9 �9.5 6.9 �2.3
Dimethyl formamide Methanol �13.9 �11.5 3.6 �6.0
Dimethyl sulfoxide Methanol �21.0 �14.7 3.4 �9.6
Methyl tert-butyl ether Methanol 0.1 �1.7 4.7 �2.9
Tetrahydrofuran Methanol �2.6 �4.0 3.4 �2.1
Acetone Ethanol �0.8 �1.5 3.0 �2.4
2-Butanone Ethanol �3.0 �4.4 3.6 �2.2
Dimethylamine Ethanol 1.3 1.8 2.8 �3.3
Trimethylamine Ethanol �0.2 1.9 3.3 �5.5
Triethylamine Ethanol �5.4 �6.9 5.0 �3.5
Pyridine Ethanol �8.9 �7.8 3.5 �4.5
Acetonitrile Ethanol �1.6 �1.7 2.4 �2.3
Ethyl acetate Ethanol �2.0 �4.7 3.8 �1.0
Methyl propanoate Ethanol �2.4 �5.0 3.8 �1.2
1,4-dioxane Ethanol �4.6 �7.5 3.5 �0.7
Dimethyl formamide Ethanol �12.1 �10.4 3.4 �5.1
Tetrahydrofuran Ethanol �2.4 �4.4 3.3 �1.3
2-Butanone Propanol �3.1 �4.3 3.1 �1.9
Dimethylamine Propanol 1.9 1.8 2.3 �2.2
Trimethylamine Propanol �0.2 1.9 2.8 �4.9
Triethylamine Propanol �5.6 �6.9 4.5 �3.2
Pyridine Propanol �8.4 �7.8 3.0 �3.6
3-Methylpyridine Propanol �12.2 �11.4 3.6 �4.3
Methyl propanoate Propanol �1.9 �4.9 3.3 �0.3
1,4-dioxane Propanol �4.3 �7.3 3.0 0.0
Tetrahydrofuran Propanol �2.2 �4.4 2.8 �0.6
Acetone Butanol �0.8 �0.9 2.2 �2.1
2-Butanone Butanol �3.4 �4.0 2.6 �2.0
Methylamine Butanol 1.8 3.6 1.6 �3.4
Ethylamine Butanol �5.0 1.9 2.0 �8.9
Propylamine Butanol �7.2 �1.6 2.4 �8.1
Trimethylamine Butanol 1.7 1.8 2.4 �2.5
Butylamine Butanol �9.2 �4.0 2.9 �8.0
Diethylamine Butanol �7.7 �3.0 2.9 �7.5
Triethylamine Butanol �6.4 �7.0 3.7 �3.1
Pyridine Butanol �8.7 �7.6 2.6 �3.6
3-Methylpyridine Butanol �12.9 �11.2 3.0 �4.7
Acetonitrile Butanol �1.0 �1.1 1.7 �1.6
Ethyl acetate Butanol �2.7 �4.4 2.8 �1.1

(Continues)
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Table 2. (Continued)

Solute (A) Solvent(S) ΔsolvG
A/S Δsolv(nonsp)G

A/S Δs.e.G
A Δint(sp)G

A/S

1,4-Dioxane Butanol �5.2 �7.0 2.6 �0.8
Butyl ether Butanol �8.5 �11.3 4.5 �1.7
Acetone Pentanol �0.7 �0.6 2.0 �2.2
2-Butanone Pentanol �2.8 �3.7 2.4 �1.4
Methylamine Pentanol �3.1 3.6 1.5 �8.1
Ethylamine Pentanol �4.4 1.8 1.8 �8.1
Propylamine Pentanol �7.0 �1.6 2.2 �7.6
Butylamine Pentanol �9.5 �4.1 2.6 �8.0
Diethylamine Pentanol �8.7 �3.0 2.6 �8.3
Triethylamine Pentanol �7.3 �7.0 3.3 �3.6
Ethyl acetate Pentanol �2.7 �4.1 2.5 �1.1
Propyl acetate Pentanol �4.6 �7.1 2.9 �0.4
Acetone Octanol �0.6 0.0 1.6 �2.2
2-Butanone Octanol �3.3 �3.2 1.8 �1.9
2-Pentanone Octanol �5.7 �6.0 2.1 �1.7
2-Hexanone Octanol �8.5 �8.8 2.3 �1.9
2-Heptanone Octanol �11.1 �11.6 2.6 �2.1
2-Octanone Octanol �14.2 �14.5 2.8 �2.5
Acetophenone Octanol �15.7 �15.7 2.4 �2.4
Methylamine Octanol 1.7 3.5 1.2 �3.1
Ethylamine Octanol �4.6 1.6 1.5 �7.7
Dimethylamine Octanol 1.1 1.7 1.5 �2.1
Propylamine Octanol �7.4 �1.5 1.7 �7.6
Trimethylamine Octanol 1.5 1.7 1.7 �1.9
Butylamine Octanol �8.1 �4.1 2.0 �5.9
Diethylamine Octanol �7.3 �3.0 2.0 �6.3
Dipropylamine Octanol �8.0 �8.7 2.5 �1.7
Pyridine Octanol �9.8 �7.1 1.8 �4.5
2-Picoline Octanol �13.2 �9.6 2.1 �5.6
3-Methylpyridine Octanol �14.2 �10.6 2.1 �5.7
4-Methylpyridine Octanol �15.1 �10.8 2.1 �6.3
Acetonitrile Octanol �0.6 �0.2 1.3 �1.7
Propionitrile Octanol �2.8 �2.0 1.6 �2.4
Benzonitrile Octanol �12.9 �13.6 2.2 �1.4
Nitroethane Octanol �3.9 �4.5 1.6 �1.0
Nitrobenzene Octanol �15.2 �16.3 2.2 �1.1
Methyl acetate Octanol �0.6 �1.4 1.7 �1.0
Ethyl acetate Octanol �2.9 �3.7 1.9 �1.1
Propyl acetate Octanol �5.6 �6.6 2.2 �1.1
Butyl acetate Octanol �8.3 �9.4 2.4 �1.4
Pentyl acetate Octanol �11.0 �12.1 2.7 �1.6
Methyl propanoate Octanol �4.5 �4.0 1.9 �2.4
Methyl pentanoate Octanol �8.9 �9.7 2.4 �1.7
Methyl benzoate Octanol �17.8 �14.7 2.5 �5.6
1,4-Dioxane Octanol �5.6 �6.2 1.8 �1.1
3,3-Dimethylbutan-2-one Octanol �6.4 �7.4 2.3 �1.4
Benzaldehyde Octanol �13.1 �13.2 2.2 �2.1
Butyl ether Octanol �9.7 �11.5 2.9 �1.0
Dimethyl formamide Octanol �12.5 �8.7 1.8 �5.5
Dimethyl sulfoxide Octanol �15.8 �10.6 1.7 �6.8
Methyl tert-butyl ether Octanol �2.2 �2.8 2.2 �1.6
Tetrahydrofuran Octanol �3.8 �4.4 1.7 �1.1
Triethyl phosphate Octanol �24.6 �18.7 3.1 �9.0
Acetone Water 2.0 �3.3 15.7 �10.4
2-Butanone Water 2.9 �5.1 18.8 �10.7
2-Pentanone Water 3.8 �7.8 21.9 �10.3
2-Hexanone Water 4.1 �9.7 25.0 �11.2

(Continues)
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s= 0.87 kJ�mol–1, and for all 125 possible pairs of two Gibbs free
energies of hydrogen bonding of the same compound with two
different alcohols from Table 2 s= 1.1 kJ�mol–1. We can conclude
that the hydrogen bond donating ability of bulk aliphatic alcohols
with different alkyl chain length is nearly the same, and more
detailed consideration is not possible because of the uncertainties.

One of the few available results from other works that can be
used for comparison with our values is the fraction of nonbonded
acetone inmethanolic solutions reported byMax and Chapados[29]

who used Attenuated total reflection Fourier transform infrared
spectroscopy. The solution they considered was not infinitely
diluted and was supposed to contain acetone dimers, but from

the ratio of bonded and nonbonded monomers of acetone the
value of Δ int(sp)G

A/S can be estimated to be –2.9 kJ�mol–1, which
is in agreement with our findings.
In contrast, water forms much stronger complexes with all

considered proton acceptors. For most of the considered solutes
the degree of H-bonding with water related to Δ int(sp)G

A/S

through Eqn (2) will be close to unity. This fact is supported by
the infrared spectra of diluted aqueous solutions, where we do
not observe the stretch bands of free carbonyl, carboxyl or other
strong proton accepting groups that are quite intensive in the
spectra of alcoholic solutions of compounds with such groups.
Moreover, the analysis of infrared spectrum of moderately basic

Table 2. (Continued)

Solute (A) Solvent(S) ΔsolvG
A/S Δsolv(nonsp)G

A/S Δs.e.G
A Δint(sp)G

A/S

2-Heptanone Water 5.6 �11.6 28.1 �11.0
2-Octanone Water 5.9 �13.9 31.2 �11.5
2-Nonanone Water 7.5 �15.3 34.3 �11.6
Acetophenone Water �1.3 �15.5 26.0 �11.8
Methylamine Water �1.0 5.0 11.3 �17.4
Ethylamine Water �0.9 4.9 14.4 �20.2
Dimethylamine Water 0.0 3.4 14.4 �17.8
Propylamine Water �0.4 0.2 17.5 �18.1
Trimethylamine Water 4.3 4.2 17.5 �17.5
Butylamine Water �0.1 �1.2 20.6 �19.5
Diethylamine Water 1.0 �0.6 20.6 �19.0
Dipropylamine Water 1.2 �6.5 26.8 �19.2
Triethylamine Water 3.9 �3.9 26.8 �19.1
Pyridine Water �1.2 �7.8 18.5 �11.9
2-Picoline Water �1.4 �10.1 21.6 �12.9
3-Methylpyridine Water �2.1 �11.4 21.6 �12.3
4-Methylpyridine Water �2.8 �11.4 21.6 �12.9
2,6-Lutidine Water �1.3 �11.6 24.7 �14.4
Acetonitrile Water 1.6 �3.9 12.5 �7.0
Benzonitrile Water 0.3 �16.3 22.8 �6.2
Nitroethane Water 2.4 �8.8 16.1 �4.9
Nitrobenzene Water 0.7 �17.9 23.2 �4.6
2-nitrotoluene Water 2.9 �15.6 26.3 �7.8
Methyl acetate Water 4.6 �3.7 17.0 �8.7
Ethyl acetate Water 5.0 �5.1 20.1 �10.0
Propyl acetate Water 6.2 �7.6 23.2 �9.4
Butyl acetate Water 6.8 �9.2 26.3 �10.3
Pentyl acetate Water 7.6 �12.5 29.4 �9.2
Methyl propanoate Water 5.6 �5.2 20.1 �9.2
Methyl hexanoate Water 7.5 �11.3 29.4 �10.6
Methyl pentanoate Water 7.2 �9.3 26.3 �9.8
Methyl benzoate Water 1.5 �17.7 27.2 �8.0
1,4-Dioxane Water �3.3 �8.5 18.6 �13.4
Benzaldehyde Water 1.1 �15.4 22.9 �6.4
Butyl ether Water 14.4 �6.1 32.1 �11.6
Cyclohexanone Water �1.7 �12.2 22.6 �12.0
Dimethyl formamide Water �13.6 �12.5 17.9 �19.0
Dimethyl sulfoxide Water �24.4 �16.6 17.1 �24.9
Ethoxybenzene Water 8.6 �14.1 26.9 �4.2
Methoxybenzene Water 7.6 �10.7 23.8 �5.5
Methyl tert-butyl ether Water 8.6 0.3 22.8 �14.5
N,N-dimethylaniline Water 3.5 �16.2 27.8 �8.1
Tetrahydrofuran Water 3.4 �2.8 17.3 �11.2
Triethyl phosphate Water �13.7 �23.2 34.3 �24.7
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molecule of acetonitrile diluted in water[13] gave the fraction of
H-bonded solute to be more than 90%, which also corresponds
with our results.
To see the influence of the cooperative effect on hydrogen-

bonding strength for the complexes with bulk water and alcohols,
it is necessary to know the Gibbs free energies of bonding of pro-
ton acceptors with monomers of water and alcohols. The Gibbs
free energies of formation of complexes with water have never
been determined experimentally, but can be estimated from
empirical correlation relationships for the binding constants in in-
ert medium (tetrachloromethane). For complexes with alcohols,
there are also some experimental data. According to the scale of
acidities and basicities of hydrogen bonds,[4] the values of acidity
parameters of methanol and water aH2 are respectively 0.37 and
0.35. Other linear saturated alcohols are supposed to have slightly
lower aH2 (0.33) than methanol.
Parameters aH2 reflecting the acidity of H-bond donor and bH2

reflecting the basicity of H-bond acceptor are based on experimen-
tal data for the 1 : 1 complexation constants KA . . . B in tetrachloro-
methane, and are correlated with them through the equation

lgKA...B ¼ 7:354aH2b
H
2 � 1:094: (7)

Here, the constant KA . . . B is expressed in molarity scale. We
can go to the molar fraction scale by dividing by the molar
volume of solvent, CCl4, and then converting the constant to
the standard Gibbs free energy of bonding (using the fact that
ln KA . . . B = ln 10 � lg KA . . . B):

ΔHBG
A...B ¼ �RT ln10� lgK A...B � lgVm CCl4ð Þ� �

: (8)

The comparison of the values for 1 : 1 complexes calculated by
Eqn (8) with the Gibbs free energies of hydrogen bonding with
the bulk solvent is given in Table 3. It can be seen that the
complexes with bulk alcohols are weaker than those with a single

alcohol molecule, which is caused by the need to break some
solvent–solvent hydrogen bonds to form a new solute–solvent
H-bond. Only the strongest proton acceptors, like amines, dimethyl
formamide, and dimethyl sulfoxide (which is likely to form more
than one bond with methanol), have the values of ΔHBG

A/S more
negative than –5 kJ�mol–1.

The comparison of the standard Gibbs free energies of forma-
tion of complexes with water monomer and bulk water is given
in Fig. 2.

In general, stronger proton acceptors as measured by the Gibbs
free energy of bonding with a single proton donating molecule
form stronger bonds with bulk water (e.g., amines form stronger
bonds than esters and ketones, and they all form stronger bonds
than nitriles). However, this rule cannot be described in strict quan-
titative terms. There is no single good correlation even for solutes

Figure 1. Relationship between the contributions from nonspecific solva-
tion, solvophobic effect, and specific interactions with water into the Gibbs
free energy of hydration (at 298 K in kJ�mol–1). The solutes marked with
squares are esters, triangles are amines, filled circles are ketones, empty
circles are other solutes from Table 1

Table 3. The standard Gibbs free energies of hydrogen bond-
ing with methanol into 1:1 complex ΔHBG

A . . . S calculated by
Eqn (8) and with bulk methanol ΔHBG

A/S calculated by Eqn (3)
(at 298 K in kJ�mol-1)

Solute (A) ΔHBG
A/S ΔHBG

A . . . S

1,4-Dioxane 5.1 �6.9
Acetonitrile 3.7 �6.3
2-Butanone �0.4 �7.0
Butyl ether �1.1 �6.0
Diethylamine �7.2 �10.4
Dimethyl sulfoxide �9.5 �11.5
Dimethylamine �3.2 �10.7
Methyl acetate 2.4 �5.7
Dimethyl formamide �5.8 �9.8
Acetone 1.2 �7.2
Tetrahydrofuran �0.7 �7.4
Triethylamine �5.3 �9.9

Figure 2. Standard Gibbs free energy of hydrogen bonding with bulk
water versus that with water monomer estimated using Eqn (8) for different
solutes at 298 K in kJ�mol–1
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that are likely to form 1 : 1 complex in aqueous solutions (marked
by black circles). A rough relationship between ΔHBGA=H2O and
ΔHBGA...H2O is ΔHBGA=H2O ¼ 2:2ΔHBGA...H2O þ 4:2 with s=1.8
kJ�mol–1, r2 = 0.873.

The correlation between the Gibbs free energies of hydrogen
bonding with bulk water and those with bulk methanol for the
same solute is much better. It is given by

ΔHBG
A=H2O ¼ 1:22ΔHBG

A=CH3OH � 11:0 (9)

with s=0.9 kJ�mol–1, r2 = 0.935 (Fig. 3).
Two points plotted with triangles in Fig. 3 correspond to the

solutes forming more than one hydrogen bond at least in aqueous
solutions. It is important to note that if we suppose 1,4-dioxane to
form two H-bonds of the same strength with water, then the Gibbs
free energy of formation of such bonds will fall to the same line as
for other proton acceptors. For dimethyl sulfoxide, it is difficult to
make any guess on the strength of each of two H-bonds with
one S=O group.

The above results can be interpreted as the following. Coopera-
tive effects lead to a large increase of the strength (measured in
terms of Gibbs free energies) of hydrogen bonds with water poly-
mers in comparison with those with water monomer. The exact
magnitude of increase is sensitive to the structure of solute; the
samehas been observed for the enthalpies of cooperative H-bonds
of proton acceptors with alcohols. In alcoholic solutions, a cooper-
ative increase of the bond strength is less pronounced and is often
compensated by the cost of breaking alcohol–alcohol H-bonds, so
that a significant fraction of solute molecules is not bonded to the
solvent, except for the strongest proton acceptors like amines.
However, the standard Gibbs free energies related to the formation
of one bond in standard conditions are intercorrelated inmethanol
and water.

For the compounds with multiple proton accepting centers
there will be no single correlation between the ΔHBG

A/S values in
aqueous and alcoholic solutions. Thus, their total effective basici-
ties will not be the same in water and in methanol or other
alcohols.

In our previous works,[30,31] we also considered the thermody-
namics of hydrogen bonding of normal monohydric alcohols with

water and self-association of these alcohols. Alcohols in their
solutions act simultaneously as proton donors and acceptors.
The Gibbs free energies of specific interactions with water for
alcohols from methanol to octanol fall in the range –18.2�
0.3 kJ�mol–1,[31] while their Gibbs free energies of self-association
are in the range –10.8� 0.7 kJ�mol–1.[30] Again, we observe close
values of Δ int(sp)G

A/S for a homologous series of normal alcohols
dissolved in water. At the same time, solutions in water behave
very differently from the solutions in alcohols and exhibit much
stronger solute–solvent hydrogen bonding. It is worth mentioning
that alcohols do not fit the correlation (9) for proton acceptors.
There are very few purely proton donating species without

proton accepting ability, which could also be very interesting to
consider. One of them is chloroform. Our calculations show that
in water the value of ΔHBGCHCl3=H2O is about –2.1 kJ�mol–1, and in
alcohols the values of ΔHBGCHCl3=ROH fall in the range –2.9� 0.3
kJ�mol–1. The typical value of standard hydrogen bonding Gibbs
free energy of chloroform with an oxygen base (ether) into an
equimolar complex is about –3 kJ�mol–1. For chloroform, coopera-
tive effects in complexes with bulk water are less pronounced than
for proton acceptors. Hydrogen bonding with bulk water is even
less energetically favorable than with bulk alcohols.

CONCLUSION

The results presented and discussed above show that hydrogen
bonding with self-associated solvents has its peculiarities that
could not be neglected when one describes the solvent effect on
solute reactivity or any other properties. The basicity scales con-
structed from the data for equimolar complexes cannot be directly
applied for description of solute–water or solute–alcohol hydrogen
bonding. The Gibbs free energies of hydrogen bonding with bulk
water and alcohols are intercorrelated, which can be used to
construct a separate scale of basicity for the species dissolved in
associated solvents. This scale could help us to predict solvation
properties and reactivities in solvents other than well-studied
water and alcohols. However, H-bonding properties of molecules
with multiple proton accepting centers and/or proton donating
centers cannot be described using one total basicity and one total
acidity parameter for all associated solvents. Each center can be
taken into account separately, but another problem is that the
second and subsequent bonds with solvent will not have the same
energy as the first one even if the bonding sites are identical.
Thermodynamic analysis is a tool that allows to determine the

Gibbs free energy of specific interactions for solutes and solvents
with an arbitrary number of basic and acidic centers from
experimental Gibbs free energy of solvation, without making any
assumptions about the structure and energies of complexes
formed in solutions. However, it cannot provide any additional
information about hydrogen bonds, and further detailed experi-
mental and theoretical studies of hydrogen bonding in associated
solvents are necessary.
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Figure 3. Standard Gibbs free energy of hydrogen bonding with bulk wa-
ter versus that with bulk methanol for different solutes at 298 K in kJ�mol–1
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