

View

Online


Export
Citation

CrossMark

RESEARCH ARTICLE |  JUNE 05 2023

Effect of the solvent quadrupolarizability on the strength of
the hydrogen bond: Theory vs data for the Gibbs energy and
enthalpy of homo- and heteroassociation between
carboxylic acids and water
Lana J. Farren  ; Najib Sharifi  ; Stuart M. Clarke   ; Radomir I. Slavchov 

J. Chem. Phys. 158, 214503 (2023)
https://doi.org/10.1063/5.0137052

D
ow

nloaded from
 http://pubs.aip.org/aip/jcp/article-pdf/doi/10.1063/5.0137052/17944160/214503_1_5.0137052.pdf

https://pubs.aip.org/aip/jcp/article/158/21/214503/2894432/Effect-of-the-solvent-quadrupolarizability-on-the
https://pubs.aip.org/aip/jcp/article/158/21/214503/2894432/Effect-of-the-solvent-quadrupolarizability-on-the?pdfCoverIconEvent=cite
https://pubs.aip.org/aip/jcp/article/158/21/214503/2894432/Effect-of-the-solvent-quadrupolarizability-on-the?pdfCoverIconEvent=crossmark
javascript:;
https://orcid.org/0000-0002-5199-4290
javascript:;
https://orcid.org/0000-0002-4157-097X
javascript:;
https://orcid.org/0000-0001-5224-2368
javascript:;
https://orcid.org/0000-0002-4639-1225
javascript:;
https://doi.org/10.1063/5.0137052
https://servedbyadbutler.com/redirect.spark?MID=176720&plid=2067147&setID=592934&channelID=0&CID=756251&banID=521002076&PID=0&textadID=0&tc=1&adSize=1640x440&data_keys=%7B%22%22%3A%22%22%7D&matches=%5B%22inurl%3A%5C%2Fjcp%22%5D&mt=1687773884641106&spr=1&referrer=http%3A%2F%2Fpubs.aip.org%2Faip%2Fjcp%2Farticle-pdf%2Fdoi%2F10.1063%2F5.0137052%2F17944160%2F214503_1_5.0137052.pdf&hc=76aba0c7ada44b788444678d82fbbdd341501358&location=


The Journal
of Chemical Physics ARTICLE scitation.org/journal/jcp

Effect of the solvent quadrupolarizability
on the strength of the hydrogen bond:
Theory vs data for the Gibbs energy
and enthalpy of homo- and heteroassociation
between carboxylic acids and water

Cite as: J. Chem. Phys. 158, 214503 (2023); doi: 10.1063/5.0137052
Submitted: 30 November 2022 • Accepted: 15 May 2023 •
Published Online: 5 June 2023

Lana J. Farren,1 Najib Sharifi,1 Stuart M. Clarke,1,a) and Radomir I. Slavchov2

AFFILIATIONS
1 Institute for Energy and Environmental Flows and Department of Chemistry, University of Cambridge,
Cambridge CB3 0EZ, United Kingdom

2School of Engineering and Materials Science, Queen Mary University of London, London E1 4NS, United Kingdom

a)Author to whom correspondence should be addressed: sc10015@cam.ac.uk

ABSTRACT
A cavity model of the effect of a solvent on thermodynamic parameters of dimerization of polar species in non-polar liquids has been devel-
oped and compared to experimental data. Bulk solution data have been collected for stearic acid in cyclohexane and in toluene to quantify
the extent of self-association of the acid in terms of the dimer self-dissociation constant, Kd. Composition and temperature-dependent
experimental data have been collected to determine Kd, the enthalpy of dissociation, and temperature-dependent infrared molar absorp-
tion coefficients. The interaction of stearic acid with small amounts of water present in non-aqueous solvents is also addressed and quantified
with a hetero-dissociation (or dehydration) constant, Kh. Existing data for acetic acid are also considered. The model connects Kd and Kh to
the vapor-phase association equilibria. Solute dipole–solvent quadrupole interactions are shown to have a major effect on Kd in quadrupolar
liquids, such as toluene, benzene, and CS2. This work provides important background as a prelude to adsorption studies of these addi-
tives from non-aqueous solvents to solid surfaces with relevance to commercial fluids, such as oil-based corrosion inhibitors and friction
modifiers. Moreover, the presented theory of the solvent effect on Kd is a first step to generalization of standard implicit solvent models in
computational chemistry (such as the polarizable continuum model) to media of significant quadrupolar strength. This is expected to be
particularly important for polar species dissolved in CO2 relevant for carbon capture and storage where appropriate models do not currently
exist.
© 2023 Author(s). All article content, except where otherwise noted, is licensed under a Creative Commons Attribution (CC BY) license
(http://creativecommons.org/licenses/by/4.0/). https://doi.org/10.1063/5.0137052

I. INTRODUCTION

Most properties of a solute are significantly affected by the
polarity of a solvent, including solubility, Henry’s constant, activity,
chemical reactivity, intensity, and wavelength of a spectroscopic fea-
ture, to mention a few.1 These solvent effects are often rationalized
through corollaries of macroscopic Maxwell equations and, in par-
ticular, the Poisson–Boltzmann equation of electrostatics. For ions,
it is sufficient to consider the Born formula for the free energy of

a dissolved ion and the Debye–Hückel model for the activity of an
electrolyte solution.2 For polar molecules, variants of the Onsager
reaction field model3 are very common, for example, the formulas
for the solvation free energy of a polar67 and quadrupolar68 solute in
a cavity; the Mataga–Lippert theory of the solvatochromic effect;6,7

and modern tools, such as the polarizable continuum model (PCM)
for density functional theory (DFT) computations.8

However, macroscopic Maxwell equations are an approxima-
tion of the exact microscopic ones—they are a multipolar series
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truncated at the dipole terms9 and neglect higher multipoles in
the medium. This means that the models of Born, Debye and
Hückel, Onsager, etc., account for the solvent molecular dipole
and polarizability, but ignore altogether the solvent quadrupole and
quadrupolarizability. This approximation is good for very polar liq-
uids and relatively small field gradients, but the quadrupolar effects
become non-negligible in non-aqueous solvents and grow important
in quadrupolar liquids, i.e., solvents made of non-polar molecules of
large quadrupole moment, such as benzene, toluene, CS2, and CO2.

The bulk equation governing the electrostatics in quadrupolar
media has been known for a century10,11—in isotropic quadrupo-
lar media, the Poisson–Boltzmann equation is generalized to the
quadrupolar Coulomb–Ampère law,12

ϵ∇2ϕ − ϵL2
Q∇4ϕ = −ρe, (1)

where ϵ is the dielectric permittivity, ϕ is the electrostatic potential,
ρe is the free charge density, and LQ is the so-called quadrupolar
length, a measure of the macroscopic quadrupolarizability of the
medium (i.e., the material coefficient of the medium response to
electric field gradient). The correct boundary conditions for this
fourth-order equation are far more recent,13 and the values of LQ for
various liquids have been theoretically predicted only recently.14,15

The quadrupolar Coulomb–Ampère law has been used to generalize
the Born and Debye–Hückel theories to electrolytes in quadrupo-
lar media,12,16 and, at least for methanol, the theoretically predicted
quadrupolar length agrees with the one that follows from salt activity
data. However, ions have very little solubility in “proper” quadrupo-
lar liquids; therefore, quadrupolar solvent effects on electrolyte
solutions are never first-order.

In this work, we aim to demonstrate that the solvation of polar
solutes in strongly quadrupolar liquids can occur with a leading
quadrupolar solvent effect. To do so, we will apply the quadrupo-
lar generalization14,15 of the Onsager reaction field theory to model
the association equilibria of polar molecules in non-polar solvents.
We chose this system for several reasons:

(i) The dimerization of acids in non-polar solvents is compara-
tively simple to model via the reaction field formalism, and
we expect a strong effect from solvent quadrupoles.

(ii) It is relatively easy to access the association parameters
spectroscopically for chosen systems, and data for relevant
solvents are available in the literature, allowing for validation.

(iii) Such systems are commercially important; we expect that the
association has a dramatic effect on the adsorption out of
such systems and is therefore key in formulation problems for
additive packages for fuels and lubricants.

The propensity for association of polar or amphiphilic species
dissolved in non-polar solvents has been well-documented. The
nature of the association can range from pairwise (e.g., dimerization
of fatty acids) to larger fixed-size assemblies (e.g., amides and alco-
hols forming linear or ring associates) or a whole quasi-continuous
range of associate sizes. Each association/dissociation equilibrium
can be characterized by one or more equilibrium constants.17–20

Many additives in commercial formulations are amphiphilic
and, hence, self-associate in non-polar solvents. The important point
here is that the total amount of additives added to the solution will
not all be present as monomers; a large fraction, indeed the majority,

may be present as associates. When we consider the expected behav-
ior of these solutions (such as adsorption), it is the chemical potential
of the monomer that is key.20 Although the total amount of addi-
tives present may be increasing, the amount of monomers may not
change significantly if there is significant association occurring, and
hence, the amount adsorbed, the chemical activity, and many other
properties of the additive will not change as much as expected. This
may appear as if a plateau of, e.g., the adsorption has been reached,
but this is simply because there is no more monomer in solution.
This behavior may be familiar with micellization of surfactants in
water where the monomer concentration is approximately constant
above the critical micelle concentration.

Values for some of the association/dissociation constants, Kassoc
and Kd (where Kd = 1/Kassoc), are in the literature, typically employ-
ing “model” solutes (formic and acetic acid) in “model” solvents
(alkanes and benzene) at room temperature.18,21 However, there are
a wide range of commercial additives that have never been inves-
tigated, and these are often employed at elevated temperature in
less studied solvents, such as toluene and cyclohexane, of interest
here. The effect of non-polar solvents on the association is not well
understood even qualitatively, especially when compared to polar
media.1 The significant solvent effect on the enthalpy of association
is even less well understood, and dimer dissociation enthalpy data
are scarce.

There are a number of experimental approaches that
have been used to quantify solution self-association,18 includ-
ing FTIR,22–26 NMR,27 dielectric spectroscopy,28–33 cryoscopy,34,35

ebullioscopy,36,37 isopiestic measurements,38–40 acid catalysis,41 heat
of dilution,42 and effective molecular weight.43 Enthalpies of associa-
tion determined by isothermal calorimetry have been reported44 for
acetic and propanoic acids and their halogenated derivatives. More
recently, x-ray absorbance45 and SANS46 have been used, but only
for relatively concentrated solutions of acids. The methods that can
be used are generally limited by the physical properties of the system
under consideration, the concentrations over which the behavior is
to be measured, and access to appropriate facilities.

Many experimental papers exploit IR spectroscopy to deter-
mine the dimerization of a fatty acid. There are broadly two carbonyl
peaks in the IR spectra, one from the associated H-bonded >C=O
and another from the unassociated (non-H-bonded). Each type of
>C=O should have a specific absorption coefficient ε, although some
papers have assumed that two ε are approximately equal21 and oth-
ers have used two different ε values,21 sometimes very different from
each other.46,47 Moreover, two different self-associates of fatty acids
were proposed to exist:

(i) a closed dimer where both >C=O and –OH of one acid asso-
ciates with –OH and >C=O of the other via two hydrogen
bonds;

(ii) an “open” or “linear” dimer where only one of these hydrogen
bonds is formed, especially at elevated temperature.

This was investigated by Bellamy48 and Feneant,49 where it was sug-
gested that the breadth of the vibrational band of RCOOH may
be the result from the presence of a mix of cyclic and open-chain
dimers. Tjahjono et al.50 used DFT calculations to predict the IR
spectra from two different dimers and larger associates. This work
suggests that linear dimers represent only a small fraction (∼0.2%) in
trichloromethane. Fujii et al.21 considered the associates to be both
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cyclic and open-chain. They reported that the ratio of cyclic/open
is 5 in hexane and 10 in toluene at 25 ○C. Goldman and Emerson51

reported a cyclic/open ratio of 3.1 in CCl4 at 16.5 ○C; Sano52 reported
a cyclic/open ratio of 4.6 in a pure acid at 25 ○C; and Corsaro and
Atkinson53 reported a cyclic/open ratio of 9.7 in acetone at 25 ○C.
Furthermore, Allen and Caldin37 suggested that there may be acid
trimers. Trautz and Moschel54 used cryoscopy and suggested long
chains of associates or “polymers” that only form in concentrated,
but not in dilute, solutions. Higher order solution assemblies are
discussed by Tang et al.26 as a key issue just prior to crystalliza-
tion. Interestingly, these authors suggested that there are benzoic
acid tetramers, arising from π−π stacking of dimers. Lütgens et al.
concluded that linear associates exist in more concentrated solu-
tions by using a combination of Raman and coherent anti-Stokes
scattering.55

There does not appear to be a very significant body of literature
on molecular thermodynamic modeling of the association constant
in solutions, especially compared to the well-developed theory for
Henry’s constant and partition coefficients in polar solvents.56–58

Davies et al.59 proposed a basic electrostatic model to explain the
correlation between the heat of dimer dissociation and the dielec-
tric permittivity of the solvent. Apparently, the most popular model
to rationalize the solvent effects is empirical60 and correlates the
association constant and partition coefficient,

ln Kd = const. + 2(1 − α) ln Kp.

Here, α is an empirical “fraction of free energy of solvation of the
monomer retained by the dimer.” Fujii et al.21 applied this to both
the cyclic and open dimers to find α = 0.48 and 0.25, respectively.
A value of α of 0.44 was reported by Christian and Stevens61 for
trifluoroacetic acid CF3COOH in various solvents.

In the more recent literature, IR measurements are often com-
pared to DFT computations. Examples with carboxylic acids are the
works by Tjahjono et al.47,50 and others.62,63 Many other acids of sim-
ilar behavior (two hydrogen bonds possible and two types of asso-
ciates) were studied in a similar manner, for example, (CH3)2POOH
and (CH3)2AsOOH.64 Unfortunately, these studies rarely attempt
to extract thermodynamic parameters of association. Moreover, the
effect of a solvent on the association is usually modeled with serious
approximations—typically using an implicit solvent model,63,65 such
as the PCM, but sometimes ignoring the solvent altogether.62,64 As
mentioned above, PCM is a direct descendant of the cavity models
of Onsager, Böttcher, and Abraham:3–5 it applies the macroscopic
Poisson equation outside a carefully constructed cavity/bubble sur-
rounding the studied molecule (modeled in detail). Therefore, the
solvent effect on PCM is reduced to a single parameter—the dielec-
tric constant ϵ, characterizing its “dipolar strength,” but neglecting
the solvent “quadrupolar strength” LQ. It is, therefore, not surpris-
ing that PCM reproduces excellently a range of solvent effects in
polar liquids and also in alkanes, but significant deviations occur
for solvents made of molecules of large quadrupole moment, such
as benzene. This is confirmed, for example, by the fact that while
PCM’s predictions for the solvatochromic effect on the IR of >C=O
are practically exact for polar solvents, an error of 30%–40% is found
for the shift in benzene.66 Similarly, PCM predicts very well the sol-
vent effect on the optical rotation of chiral molecules in acetone,
acetonitrile, methanol, and (the non-quadrupolar) cyclohexane, but
fails with benzene.67

Explicit solvent models have also been used for spectra—Monte
Carlo and MD simulations with clusters of the associating solute
and a certain number of solvent molecules.46,65,68 These models
also involve important assumptions. One well-recognized issue is
that the dielectric permittivity ϵ of the model solvent made of non-
polarizable fixed-charge molecules of no dipole moment is too low
compared to the experimental values (and the solvent effects cor-
relate very strongly1 with ϵ). This problem can be overcome by
using “dummy” dipole moments for otherwise non-polar molecules,
such as methane and ethane,69 but this obviously alters dramatically
the shape and the strength of short-range solute–solvent interac-
tions. In most cases, theoretical studies focus on predicting the
spectra of various associates; very few studies consider the thermo-
dynamic parameters of association in solvents.65 Moreover, these
few studies predict reasonable enthalpies, but the calculated solva-
tion Gibbs energies (related to the ratio between Kd in a solvent and
in a gas phase) vary greatly with the model and disagree with the
experimental data.

Here, we also study the role of water present in the solvent.
The first reason is that the solvent effect on heteroassociation para-
meters is significant. The second is that, in the context of additized
fuels, lubricants, and solvents used for chemical processes, com-
mercial conditions are rarely conducive to avoiding water. Even
when the initial formulations are dehydrated, water may appear
in the system, for example, by combustion or simply by absorp-
tion from the air. The water broadly has two effects when such
systems are considered: it can associate with polar additives in
the non-aqueous solution as well as competitively adsorb on the
surfaces of interest. Here, we address the former, solution hetero-
association. We found very few studies considering the association
in such solutions, e.g., the computational study of Xu and Yang of
CH3COOH and water in CO2.68 Aggregates of acetic acid and water
have been studied in aqueous solutions using ab initio MD simula-
tions, quantum chemical computations, PCM, and other tools.70–72

The question about heteroassociation is important when the associa-
tion of acids is studied in two-phase systems (titration of water–oil59

or methanol–oil emulsions73 containing RCOOH). In this case, the
heteroassociation between water and acid (or methanol and acid)
in the water-saturated (or methanol-saturated) oil phase affects the
distribution of acid between the two phases, which is, unfortunately,
nearly always ignored. As a result, thermodynamic parameters of the
association determined via titration are often significantly different
from those obtained through other methods.18

In this work, we first present experimental data for the free
energy and the enthalpy of association ΔdH of stearic acid in two
solvents of interest, toluene and cyclohexane. We then study het-
eroassociation with water. Finally, we supplement these data with
literature results for the stearic and acetic acid in related conditions
and compare the results with a new quadrupolar cavity solvation
model for Kd and ΔdH.

II. THERMODYNAMICS OF ASSOCIATION
A. Acid dimerization

Acids dimerize in non-polar solvents according to the following
dissociation equilibrium:

A2 ⇄ 2A, [A]2/[A2] = Kd. (2)
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This equilibrium can be considered as either “association” or
“dissociation,” with constants interrelated as Kd = 1/Kassoc. In this
work, we will use a dissociation constant throughout59 since it is
a more practical number: the value of Kd in mM is equal to the
total concentration of acid at which half of the acid is associated.
We consider the possibility that the homodimers A2 may exist in
two distinct forms:74 cyclic, A2(c), and open-dimer, A2(o). Table I
schematically outlines molecular structures and the respective
equilibrium constants Kd,c and Kd,o. These two dimer forms are also
in equilibrium,

A2(c)⇄ A2(o), [A2(o)]/[A2(c)] = Ko. (3)

Here, Ko = Kd,c/Kd,o. The total concentration of dimers appearing in
Eq. (2), [A2], and the fraction xo of open dimers correspond to

[A2] = [A2(c)] + [A2(o)], xo ≡ [A2(o)]/[A2] = Ko/(1 + Ko).
(4)

If the open dimer is of significant concentration, the total dimer-
ization constant Kd should be understood as a compound constant,
related to the dissociation constants of cyclic and open dimers as

1
Kd
= 1

Kd,c
+ 1

Kd,o
, Kd = (1 − xo)Kd,c, Kd = xoKd,o. (5)

These equations relate the cyclic and open dimer characteristics Kd,c
and Kd,o (which are easier to access theoretically) to the compound
constant Kd and the open dimer fraction xo (which are more direct
to determine experimentally).

B. Association with water
We also consider the acid–water heteroassociates in equilib-

rium with acid and water monomers,

A ⋅H2O⇄ A +H2O, [A][H2O]/[A ⋅H2O] = Kh. (6)

Here, Kh is the heterodissociation (or dehydration) constant. In all
cases in this study, water self-association and water-open acid dimer

association are neglected, i.e., associates of the type (H2O)n and
A2⋅H2O are assumed to be of negligible concentration. However, it
is implicitly assumed that the species A⋅H2O may correspond to a
mixture of closed and opened dimers, similar to A2.

In this situation, there are two mass balances that must be
satisfied,

[A] + 2[A2] + [A ⋅H2O] = C, (7)

[H2O] + [A ⋅H2O] = Cw. (8)

Here, C is the total concentration of acid and Cw is the total
concentration of water in the oil solution.

C. Composition and peak intensities
in an anhydrous solvent

In the absence of water, [H2O] = [A⋅H2O] = 0, and Eqs. (2) and
(7) can be combined to show that

[A2] = [A]2/Kd, [A] = 1
4
(
√

K2
d + 8KdC − Kd). (9)

Let the specific absorption coefficient of the FTIR signal of the free
>C=O group be ε1, and ε2 for a single hydrogen-bonded >C=O
group. In the absence of open dimers, the intensities of the IR peaks
corresponding to a free –COOH group (I1) and hydrogen-bonded
–COOH (I2) are as follows:

anhydrous, no A2(o):

I1 = ε1[A], I2 = 2ε2[A2]. (10)

In the presence of open dimers, we expect only one acid molecule in
the open dimer to contribute to I2 (with the H-bonded >C=O group)
rather than both of them (as in the cyclic dimer). This means that

I1 = ε1([A] + [A2(o)]), I2 = ε2(2[A2(c)] + [A2(o)]). (11)

TABLE I. Schematic illustration of acid dimerization (cyclic and open), the relevant equilibrium, and equilibrium constants.

Dimer type Structure Equilibrium

Cyclic dimer A2(c) ⇄ 2A, Kd,c = (A)2/[A2(c)]

Open dimer A2(o)⇄ 2A, Kd,o = (A)2/[A2(o)]

J. Chem. Phys. 158, 214503 (2023); doi: 10.1063/5.0137052 158, 214503-4

© Author(s) 2023

D
ow

nloaded from
 http://pubs.aip.org/aip/jcp/article-pdf/doi/10.1063/5.0137052/17944160/214503_1_5.0137052.pdf

https://scitation.org/journal/jcp


The Journal
of Chemical Physics ARTICLE scitation.org/journal/jcp

We can express these I1 and I2 through the total dimer concentration
[A2] as follows:

anhydrous, with A2(o):

I1 = ε1([A] + xo[A2]), I2 = ε2(2 − xo)[A2], (12)

where xo is the fraction of open dimers from Eq. (4).

D. Composition and peak intensities
in a hydrated solvent

When both homo- and heterodimers, A2 and A⋅H2O, are
present in the solution, it is valid that

[A2] = [A]2/Kd, [A ⋅H2O] = [A][H2O]/Kh. (13)

Here, [H2O] is the concentration of free (unbound) water only,
which, from Eq. (8), is related to the total concentration Cw as

[H2O] = Cw

1 + [A]/Kh
.

The mass balance (7) for the acid becomes a cubic equation for [A],

[A](1 + 2
[A]
Kd
+ Cw

Kh + [A]
) = C. (14)

The physically realistic solution to this is as follows:

[A] = Kd

6
(X + Δ0

X
− b),

where

X = 2−1/3(
√

Δ2
1 − 4Δ3

0 − Δ1)
1/3

, Δ0 = b2 − 6(Kh + Cw − C)/Kd,

Δ1 = 2b3 − 18b(Kh + Cw − C)/Kd − 108KhC/K2
d , b = 1 + 2Kh/Kd.

(15)
If the open dimers A2(o) are of negligible concentration and the
heterodimer A⋅H2O contributes to peak I2 only, we expect the
following:

hydrated, no A2(o):

I1 = ε1[A], I2 = 2ε2[A2] + εw[A ⋅H2O]. (16)

If open dimers are present,

hydrated, with A2(o):

I1 = ε1([A] + xo[A2]), I2 = ε2(2 − xo)[A2] + εw[A ⋅H2O]. (17)

E. Temperature dependence of the association
For the equilibrium constants given above, Van ’t Hoff’s

equation can be used,

Ki = K○i exp [−ΔiH
R
( 1

T
− 1

T○
)]. (18)

Here, ΔiH is the enthalpy of the process and the index i stands for
either d,c or d,o [the homodissociation (2) of A2(c) or A2(o)], h

[heterodissociation (6) of A⋅H2O], or o [dissociation of one bond
in the cyclic dimer A2(c) to produce the open dimer, Eq. (3)]. T○

is the reference temperature, 298.15 K, and K○i is the value of K i at
the reference temperature. We also tested temperature-dependent
enthalpies (i.e., Kirchhoff’s formula for K i), but the effect from this
was found to be small.

The Van ’t Hoff formula for Ko corresponds to the following
[from Eq. (4)] temperature dependence of the fraction xo of open
dimers:

xo = {1 + 1 − x○o
x○o

exp [ΔoH
R
( 1

T
− 1

T○
)]}

−1

, (19)

where x○o is the fraction of open dimers at room temperature. The
compound dimerization constant Kd follows Van ’t Hoff’s equa-
tion if open dimers are not taken into account; however, if they are
important, Eq. (5) has to be used, which can be written as

Kd = K○d{(1 − x○o) exp [Δd,cH
R
( 1

T
− 1

T○
)]

+ x○o exp [Δd,oH
R
( 1

T
− 1

T○
)]}

−1
. (20)

In this case, the compound heat of dissociation ΔdH is not a con-
stant but depends on T and is close to Δd,cH at low temperatures but
approaches Δd,oH at higher temperatures where dimers tend to be
open.

We can estimate the heats of dissociation ΔhH and ΔoH (which
are not very sensitive parameters) using the value of the most impor-
tant of the three enthalpies, Δd,cH. The simplest relationship one
might suggest is that the cyclic dimer, with its two hydrogen bonds,
has twice the enthalpy ΔoH of the open dimer with a single hydrogen
bond (in agreement with the values calculated in Ref. 65). Moreover,
Δd,cH = Δd,oH + ΔoH, according to Hess’s law; therefore,

ΔoH ≈ Δd,oH ≈ Δd,cH/2. (21)

On the other hand, ΔhH and ΔoH both correspond to a single
hydrogen bond dissociated, i.e.,

ΔhH ≈ ΔoH. (22)

F. Temperature dependence of the specific
absorption coefficients

Our data indicated that the molar absorbances εi have a signifi-
cant temperature dependence that has to be accounted for. We used
several test functions to interpolate between the points, the simplest
one being a a0 + a1/T dependence, of the form

ε j = ε○j[1 + T○εT, j(
1
T
− 1

T○
)]. (23)

Here, j is 1 (peak for dissociated >C=O), 2 (for hydrogen bonded
>C=O), or w (water-bonded). A three-parameter power dependence
a0 + an/Tn has also been tested, but it neither led to very different
results for thermodynamic parameters nor improved the goodness
of fit. We also assumed that the empirical temperature coefficient εT,j
is the same for all three coefficients εj; our tests showed that if this
assumption is relaxed, it again does not lead to significantly different
results for thermodynamic parameters reported below.
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III. MATERIALS AND METHODS
The samples were prepared using toluene (anhydrous, water

content of <0.001%—Sigma, grade 99.8%, purity of this batch
99.92%), cyclohexane (Sigma, grade 99.5%, purity of this batch
99.96%; certificate of analysis gives water content at 0.003%), and
stearic acid (Sigma, batch purity 99.5%), which were used without
further purification. The anhydrous cyclohexane was obtained by
drying it over molecular sieves (3 Å, 8–12 mesh). Samples were
measured by Karl Fischer titration. No water was detected in the
anhydrous cyclohexane. Hydrated toluene and cyclohexane were
obtained by saturation with water at 20 ○C (either by few days of
equilibration with gentle mixing once a day or by stirring for a
few hours). Extra measures were taken to ensure no water droplets
remained dispersed in the oil. The concentration of water in the
hydrated toluene was taken to be the saturation value, Cw = 21 mM
at 20 ○C,75,76 and not measured by titration. The concentration
of water in hydrated cyclohexane was suspected to be below the
literature value for the solubility (4.7 ± 0.6 mM at 20 ○C), and there-
fore, Karl Fischer titration was used to determine it—the result was
Cw = 2.6 ± 0.6 mM.

The temperature dependence of the density of toluene77 and
cyclohexane78 has been used to correct the concentrations of solu-
tions made at room temperature to what they are at 40, 60, and
70 ○C. This correction corresponds to 6% change at most (e.g., 1 mM
acid in toluene becomes 0.98 mM at 40 ○C, 0.95 mM at 60 ○C, and
0.94 mM at 70 ○C due to the thermal expansion of the solvent). The
concentration of water was also corrected.

A. FTIR
In this work, the association of the carboxylic acid additive

of interest is assessed through the FTIR spectra of the >C=O
bands, which indicate the amount of monomer and associates. For
fatty acids, there is one band for the non-H-bonded >C=O group
(1770 cm−1) and a second for the H-bonded >C=O (1670 cm−1). The
FTIR data were collected using a Bruker Vertex V70 device at the
Department of Chemistry, Cambridge, with a sealed liquid cell from
Specac with CaF2 windows and a path length of 1 or 0.2 mm. These
cells can be heated from 20 to 70 ○C, and FTIR data were collected
at several temperatures. By a short study of peak shapes and inten-
sities, a 2% resolution was selected as the optimum balance of peak
width/separation and intensity/count times. This is also the stated
resolution of the device.

The association constant can be determined by the measure-
ment of concentrations of the free >C=O groups (non-H-bonded
“monomer”) and hydrogen-bonded >C=O groups (“dimer”), as
inferred from FTIR where the peak intensities are governed by the
Bouguer–Lambert–Beer relation.4–7 The FTIR spectra have peaks
with intensities proportional to the concentration, but the molar
absorption coefficients are not known. Usually, in the absence of
speciation, one would determine these from a calibration measure-
ment using known concentrations of the component of interest.
However, in this work, concentrations of spectrally active species are
unknown due to the self-association.

In this work, several popular approaches to determine absorp-
tion coefficients were considered, as discussed in detail in the
supplementary material, SI1a–SI1c. This included attempts to use
the methyl ester of the acid79 to determine the molar absorption

coefficient ε1 of the acid monomer under the assumption that the
methyl group has little effect on carbonyl resonances. We also tried
to use linearization techniques, such as the Garti approach,80 to
simplify the fitting procedure. We settled on a general, direct regres-
sion approach and included the capability to consider a variety of
models. The absorption coefficients and their temperature depen-
dence were considered as parameters to be fitted together with the
association constants under a number of restrictive assumptions
to minimize the number of free parameters. We tested over 30
combinations of association and absorption coefficient models and
restrictive assumptions. To resolve the issue with the many indeter-
mined parameters, regression analysis was performed on the data for
both peaks and for all temperatures studied simultaneously. We used
the temperature dependences given above in Eqs. (18), (20), and (23)
for K i and εj. Our approach is to consider models of increasing com-
plexity and then review how well the experimental data are captured
for the minimum number of degrees of freedom. For example, the
simplest optical model is a single temperature-independent absorp-
tion coefficient for both hydrogen-bonded and free carbonyl. We
then consider more complex models, with additional parameters,
such as different absorption coefficient parameters for associated
and unassociated >C=O, but still temperature independent. The next
level of complexity would be to add on a temperature dependence,
etc. When we have fitted values, we also consider any other con-
straints on these values to eliminate models that produce physically
unreasonable parameters.

Some studies report that the open and cyclic dimers can also
be identified from additional peaks in the spectra and/or shoulders
to the principle peaks.21 Careful analysis of the data in this work,
including line shape analysis, does not indicate any evidence for
these separate features over the concentration range of interest here.
The literature suggests that these different peaks may appear more
significantly at higher concentrations than investigated here. Never-
theless, we tested data interpretation that includes cyclic and open
dimers in the model fitting below.

IV. EXPERIMENTAL RESULTS
A. Stearic acid in anhydrous toluene

The SI has representative FTIR spectra from stearic acid in
anhydrous toluene and cyclohexane. The peak characteristic of the
unassociated carbonyl group >C=O is at 1754 cm−1, and the associ-
ated >C=O appears at 1709 cm−1, in agreement with the literature.21

The shapes of the two peaks were fitted to a sum of two Lorentzians;
the intensities I1 and I2 of the two peaks were taken as the heights
of these Lorentzians. Figure 1 shows the experimentally measured
peak height intensity of these two features as a function of the total
concentration of the stearic acid. Similar data for the same solutions
at temperatures of 297, 313, 333, and 343 K were collected and are
presented in the discussion below.

The error estimate for the experimental data was determined
from the standard deviation of repeated measurements and is
of the order of 0.002%–0.63%. These are represented by the y-
error lines in Fig. 1 (comparable to/smaller than the size of the
data point symbols). The error in the fitted parameters was deter-
mined from a sensitivity analysis, as discussed in the supplementary
material.
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FIG. 1. Unassociated peak intensities vs total acid concentration (circles) and
associated peak intensities vs total acid concentration (squares) in anhydrous
toluene at 297 K.

B. Optimization
The regression is performed with all the anhydrous solvent data

simultaneously—the two experimentally determined peak intensi-
ties at all concentrations and temperatures. Thus, the model used
has two variables (C and T) and 3–7 parameters (a set of thermo-
dynamic characteristics, absorption coefficients, and temperature
coefficients). Maple’s default modified Newton method was used for
the optimization, as implemented in the LSSolve function.81 The
results were double checked using MATLAB’s82 default method. The
optimized merit function was the total standard deviation σ from
both H-bonded and non-H-bonded >C=O, defined by

σ2(K○d , ΔdH, εm . . .)

= 1
2N − p∑i, j

{[I1,th(Ci, T j ; K○d , ΔdH, εm . . .) − I1,i j]
2

+ [I2,th(Ci, T j ; K○d , ΔdH, εm . . .) − I2,i j]
2}. (24)

The sum here is over all concentrations Ci and temperatures
Tj. I1,ij and I2,ij are the values of the peak intensities of the H-bonded
and non-H-bonded >C=O, respectively, measured at concentration
Ci and temperature Tj. N is the total number of measurements. K○d ,
ΔdH, εm, . . . are the parameters that were optimized, and p is the

number of parameters. Finally, I1,th and I2,th are the theoretical peak
intensities based on the specified model of the association and the
absorption coefficient.

The supplementary material, SI4, outlines the models and
compares the fitted values and the minimal value of the standard
deviation σ. The data were fitted with a range of models of differ-
ent complexities. Four association situations were investigated: with
or without open dimers and with or without acid–water heteroas-
sociates, as outlined in Sec. II. In addition, various possible physical
constraints on the parameters have been considered:

(i) the enthalpy of the open dimers ΔoH may be fixed to half that
of the cyclic dimer, Eq. (21);

(ii) the absorption coefficients ε1 and ε2 of the monomer and the
dimer may be assumed to be the same;

(iii) εj may be assumed to be temperature independent;
(iv) finally, the value of the association heat can be set to the

theoretically predicted one (as detailed in Sec. V B).

Over 30 model variants were considered, having between three
and seven fitted parameters. We defined a criterion for the best
model as the one that has (i) minimal standard deviation among
all variants with the same number p of independent parameters and
(ii) no substantial drop (compared to the experimental uncertainty)
in the standard deviation upon addition of another free parameter
[see Tables SI4(a)–SI4(d) in SI4]. The results from the two best-fit
models are given in Table II. Figure 2 gives the experimental data
and the best fit calculated data for stearic acid in anhydrous toluene.
The experimental data at the other temperatures are presented in the
supplementary material.

The regression analysis indicates that we are not particularly
sensitive to the fraction of open dimers, xo. Inclusion of these types
of dimers and the xo parameter at all temperatures does not signifi-
cantly improve the dispersion [see Tables SI4(a) and SI4(b) in SI4].
However, if xo is ignored, the fitted value of the heat of dimer disso-
ciation (Δd,cH = 40.5 kJ/mol, model 1 in Table II) appears to be too
low compared to the theoretically expected one (Δd,cH = 45.9 kJ/mol;
see Sec. V B), while models that allow for open dimers produce rea-
sonable enthalpy. Therefore, we still suspect there is a significant
fraction of open dimers, especially at higher temperature. Indeed,
the fit with model 2 in Table II (of the same number of parameters
and the same optimal σ but allowing for open dimers) will be shown
to produce more reasonable parameter values in Sec. V. The regres-
sion analysis also shows that the assumption ε1 = ε2 is reasonable,
but the temperature dependence of ε cannot be ignored.

TABLE II. Fitted parameters of the two best models, used for stearic acid in anhydrous toluene. K○d is the value at 298 K, the reference temperature.

Physical constraints
of the model K○d (mM) Δd,cH (kJ/mol) ε○1 ([I]/mM) ε○2 ([I]/mM) εT x○o ΔoH (kJ/mol) σ ([I]) p free par.

Model 1: ε1 = ε2, xo = 0 0.740 40.45 0.056 =ε○1 0.64 0 0 0.019 4

Model 2: ε1 = ε2, Δd,cH
fixed to theoretical,
ΔoH = Δd,cH/2 0.420 (45.9)a 0.056 =ε○1 0.56 6.3% ΔdH/2 0.019 4
aThe value in italic in the brackets is computed through Eq. (32).
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FIG. 2. Experimental data (points) and fitted theoretical curves (model 1 from
Table II) for stearic acid in anhydrous toluene. Red: unassociated carbonyl; blue:
associated carbonyl. Experimental data are shown for 343 K only, for clarity; the-
oretical curves are for 297 K (dashed lines), 313 K (dotted lines), and 333 K
(dashed-dotted lines).

C. Stearic acid in hydrated toluene
The concentration of water in the hydrated toluene was calcu-

lated to be Cw = 21 mM at 20 ○C; this concentration corresponds to
air-equilibrated toluene typical of practical systems. Table III sum-
marizes the best fit to the experimental data of a one-parametric
hydrated-case model based on Eq. (16). The comparison with the
experimental data is given in Fig. 3. This comparison was deemed to
be in adequate agreement with the data. The fitted parameters for the
homodissociation have been taken from Table II and not re-fitted.
SI4c has the details of the other model variants that we considered.

FIG. 3. Comparison of the experimental data (red: unassociated and blue: asso-
ciated) for stearic acid in hydrated toluene (Cw = 21 mM water at 297 K) and a
one-parameter model fitting K○h based on the parameters fitted from anhydrous
case model 1 (no open dimers). Fitted data are shown for temperatures at 313 K
(dashed lines), 333 K (dotted lines), and 343 K (dashed-dotted lines) for unasso-
ciated (pink) and associated (light blue) carbonyl groups. Only experimental data
for 343 K are shown for clarity.

D. Stearic acid in anhydrous cyclohexane
A similar body of experimental FTIR data for stearic acid in

anhydrous cyclohexane has been collected, and regression analysis
has been performed in a similar fashion to that described above. The
peaks in cyclohexane were shifted to higher energies compared to
toluene (monomer peak 1766 cm−1 in cyclohexane vs 1754 cm−1 in
toluene; the associated peak at 1715 cm−1 vs 1709 cm−1 in toluene).
Table IV gives the details of the fitting with the chosen best models.
The full set of experimental data and model calculations is in the

TABLE III. Fitted parameters of the different models for stearic acid in hydrated toluene.

Physical constraints
of the model K○d (mM)a Δd,cH (kJ/mol)a ε○1 ([I]/mM)a εT

a x○o a ΔoH (kJ/mol)a K○h (mM)a σ ([I]) p free par.

Homoassoc.a as model 1;
ΔhH = ΔdH/2, ε○w = ε○1 0.740 40.45 0.056 0.64 0 0 19.18 0.035 1

Homoassoc.a as model 2;
ΔhH = ΔdH/2, ε○w = ε○1 0.420 45.9 0.056 0.56 6.3% Δd,cH/2 17.38 0.035 1
aParameters for homodissociation from the two fits in Table II.

TABLE IV. The fitted parameters used to test different models for stearic acid in anhydrous cyclohexane.

Physical constraints
of the model K○d (mM) Δd,cH (kJ/mol) ε○1 ([I]/mM) ε○2 ([I]/mM) εT x○o ΔoH (kJ/mol) σ ([I]) p free par.

Model 1: ε1 = ε2, xo = 0 0.0439 57.1 0.077 =ε○1 1.12 0 0 0.0063 4
Model 2: ε1 = ε2, Δd,cH

fixed to theoretical,
ΔoH = Δd,cH/2 0.0443 (54.0)a 0.077 =ε○1 1.15 0.83% Δd,cH/2 0.0064 4
aThe value in italic in the brackets is computed through Eq. (32).
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FIG. 4. Comparison of the experimental data (red: unassociated and blue: asso-
ciated) for stearic acid in anhydrous cyclohexane and the four-parameter model
1 fitting Kd

○, ΔdH, ε1
○, and εT (which includes temperature dependence of the

absorption coefficient but ignores open dimers). The remaining parameters were
constrained as follows: xo = 0, ε2 = ε1. The fitted data at 293 K (dashed lines),
308 K (dotted lines), and 323 K (dashed-dotted lines) are also included with
unassociated fits (pink) and associated fits (light blue).

supplementary material, Tables SI4(a) and SI4(b). Four-parameter
model 1 (no open dimers) is compared to the experimental data in
Fig. 4.

The main conclusions from this regression analysis are as fol-
lows: (i) the two best models for stearic acid in anhydrous cyclohex-
ane are the same as those for anhydrous toluene; (ii) the role of open
dimers in cyclohexane appears to be smaller than that in toluene
(the room-temperature fraction of open dimers drops by a factor
of 8). A sensitivity analysis was carried out as outlined in SI-3 to
determine the errors in thermodynamic parameters for model 1: the
room-temperature dissociation constant (K○d = 0.044 ± 0.020 mM)
and the enthalpy of dissociation (ΔdH = 57 ± 12 kJ/mol).

E. Stearic acid in hydrated cyclohexane
A similar body of experimental FTIR data for stearic acid in

“hydrated” cyclohexane (2.6 mM water at 20 ○C) has been collected
and fitted in a similar fashion to that described above. It was found
that the one parameter model of fitting K○h was optimal, as given in
Table V, similarly to the results above for toluene.

V. THEORY AND DISCUSSION
A. Solvent effect on the dimer dissociation constant

The effect of a solvent on the dimerization parameters stems
mostly from the decreased self-energy of the dipole moment of the
acid monomer in the polarizable medium. Within Onsager’s spher-
ical cavity model of dielectrics,3 the polar headgroup is represented
as a point dipole p inside a hollow sphere (cavity) of radius Rcav. The
electric field of this dipole polarizes a homogeneous medium out-
side the sphere; as a result, the polarized solvent creates a “reflected”
electric field inside the cavity, Ereact, called the reaction field. The
interaction between the dipole and the medium simplifies to an
interaction between the central dipole and this solvent reaction field.
Thus, the decrease ΔsμCOOH in chemical potential upon transfer
of an acid monomer from vacuum to the solvent is given by the
equation of Onsager and Böttcher,4,5

ΔsμCOOH = −
1
2

p0Ereact = −
Xpp2

0

2(1 − αpXp)
. (25)

Here, p0 is the dipole moment of the polar group in vacuum, αp
is the polarizability of the head group, Ereact is the solvent reaction
field, and Xp is Onsager’s reaction field factor. These quantities are
related as

Ereact = Xpp, p = p0/(1 − αpXp),

where p is the dipole moment of the acid in the solvent (which is
larger than the one in vacuum due to the polarizing effect of Ereact).
The reaction field factor within the theory of Onsager is controlled
by the dielectric permittivity ϵ of the solvent and the radius of the
solute cavity Rcav (that can be approximately determined from the
size of the COOH headgroup),

XOnsager
p = 1

2πε0R3
cav

ϵ − ϵ0

2ϵ + ϵ0
. (26)

Davies et al.59 used a simplified version of this model to interpret
the dependence of the dissociation of acid dimers on the dielec-
tric permittivity of the solvent. However, their acid dissociation data
are very much affected by heteroassociation with water (the non-
aqueous solvent was saturated with water in their experiments) and
have to be viewed with caution.

Onsager’s original model is reasonably accurate for polar
solvents and some simple non-polar ones (such as alkanes and

TABLE V. The fitted parameters extracted from different models for stearic acid in hydrated cyclohexane.

Physical constraints
of the model K○d (mM)a ΔdH (kJ/mol)a ε○1 ([I]/mM)a εT x○o ΔoH (kJ/mol) K○h (mM) σ ([I]) p

Homoassoc.a as model 1;
ΔhH = ΔdH/2, ε○w = ε○1 0.044 57.1 0.077 1.12 0 0 0.82 0.0119 1

Homoassoc.a as model 2;
ΔhH = ΔdH/2, ε○w = ε○1 0.0443 54.0 0.077 1.15 0.83% Δd,cH/2 0.58 0.0118 1
aParameters for homodissociation from the two fits in Table II.
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cycloalkanes). However, in contrast to cyclohexane, aromatic sol-
vents, such as toluene and benzene, possess significant quadrupo-
larizability due to the large quadrupole moment of their molecules,
which produces additional polarization of the headgroup. In such a
case, the reaction field factor has to be corrected for the quadrupolar
strength of the solvent,14,15

Xp =
1

2πε0R3
cav

ϵ − fpϵ0

2ϵ + fpϵ0
, (27)

where the quadrupolar factor fp is given by

fp =
2 + 8x

2 + 8x + 27x2 + 27x3 , x = LQ/Rcav. (28)

The dielectric permittivity in Eq. (27) is related to the macroscopic
polarizability αP of the medium as ϵ = ϵ0 + αP; the quadrupo-
lar length is related to the macroscopic quadrupolarizability αQ as
LQ

2 = αQ/3ϵ. Therefore, LQ
2 is a ratio between the quadrupolar and

the dipolar strengths of the solvent (compare with the Debye length
square, which is a ratio between ϵ and the ionic strength). For alka-
nes, LQ is relatively small and the correction factor fp is close to 1.
On the other hand, for arenes, LQ is of the order of15 1.5 Å, corre-
sponding to fp as low as 0.25, and correspondingly, a significantly
increased dipole–solvent interaction is expected (Ereact increases by,
e.g., 80%).

We assume that the acid dimer has no net dipole47 and
has a larger cavity size, so the solvent polarization effect on the
self-energy of the dimer (∼p2/R3

cav) must be small. Moreover, the
solute quadrupole–solvent dipole interaction4,5 should be similar for
toluene and cyclohexane, in view of their similar dielectric permittiv-
ities, so we ignore its contribution as well. Under these assumptions,
the equilibrium constant Kd,c for acid dimer dissociation is given by

ln Kd,c = ln Kd,c(g) − 2ΔsμCOOH/kBT, i.e.,

Kd,c

Kd,c(g)
= exp

Xpp2
0

kBT(1 − αpXp)
. (29)

Here, Kd,c(g) is the equilibrium constant in the gaseous phase.
We can further assume that xo(g) is small in the gas phase, so
Kd(g) = Kd,c(g); see Eq. (5). Due to the large size mismatch between
stearic acid and solvent molecules, one can expect Kd,c of the acid
in a solvent to also have a contribution from the cavitation work;
therefore, Eq. (29) has to be modified as

Kd,c

Kd,c(g)
= exp

Xpp2
0

kBT(1 − αpXp)
exp

Δdμcav

kBT
. (30)

Δdμcav is the contribution of the work to produce a cavity to the
free energy of dimer dissociation (note that the cavity in ques-
tion includes the hydrocarbon chain in the acid, in contrast to the
“electrostatic” cavity of the acid head group, of radius Rcav). All other
contributions (tail–solvent interaction and van der Waals interac-
tions) are assumed to be similar for two monomers and a dimer
and are therefore expected to cancel in Kd,c. Since ΔsμCOOH is neg-
ative, the dissociation constant in a solvent is significantly larger
than in the gas phase (polar and quadrupolar solvents stabilize the
monomers).

We compared Eq. (29) with our experimental ratios Kd/Kd(g)
and literature data for stearic and acetic acids in several solvents.
Kd(g) in the gas phase has been obtained from measurements of the
second virial coefficient data of acetic acid.83 For the parameters of
the COOH group, we use values Rcav = 2.46 Å (calculated form molar
volume of liquid HCOOH at room temperature) and p0 = 1.7 D56;
the polarizability of the COOH group is taken as αp = αC=O

+ αC–O + αO–H = 1.2 + 0.6 + 0.73 Å3, assuming additive contribu-
tions from the bonds involved and using values from Israelachvili’s
book.84 For the solvent parameters ε and LQ, we use the values
in Table VI.

As seen in Table VI, the ratios K○d /K○d (g) at room temperature
computed with the quadrupolar formulas [(27)–(29)] agree very well
with the data for CH3COOH in toluene, benzene, and CS2 (with dif-
ferences of less than 10%, well within the experimental uncertainty).
For cyclohexane, the comparison between computed and experi-
mental K○d /K○d (g) in Table VI shows a difference by a factor of two.
This is still acceptable in view of the large uncertainties involved in
the computation: first of all, in the absence of data, the value of LQ
for C6H12 is a rough estimate. Moreover, the data for dimerization
in saturated hydrocarbons, such as C6H12, are especially uncertain
due to the particularly low values of Kd—a relatively wide range of
values from K○d = 0.1–1 mM have been reported for similar acids in
similar alkanes.18,21 Finally, the value of the dissociation constant in
alkanes is sensitive to the model chosen for the interpretation of the
data, as evident in Table SI4b in SI4: K○d ranges from 0.03 to 0.13
mM and higher depending on the models for association and for the
absorption coefficients.

For stearic acid, the effect of the solute–solvent size mismatch
contributes to K○d /K○d (g), making it 2–6 smaller than that of acetic
acid. Acetic acid and its dimer are of a size comparable to that
of the solvent molecules, so the cavitation contribution must be
relatively small. In contrast, stearic acid and its dimer are large com-
pared to the solvent. The effect can be rationalized based on the
Flory–Huggins theory.20 It predicts that solute i in dilute solutions
would have cavitation energy μcav,i that is logarithmically propor-
tional to the molecular volume, i.e., μcav,i ∼ kBTlnvi. This leads to
Δdμcav = μcav,dimer − 2μcav,monomer ∼ −kBTlnvi or, from Eq. (30), to
variation of the dissociation constant with the size of the solute as
Kd ∼ 1/vmonomer, i.e., long molecules have smaller Kd. The same
result can be derived from Eq. (6) in Ref. 75. This behavior is
confirmed qualitatively by the available data for homologous series
of acids,86 but quantitatively, the experimental decrease in Kd is
less steep than Kd ∼ 1/vmonomer suggests. The discrepancy is not
surprising—Flory–Huggins theory is a too approximate model for
this system. It predicts stearic acid having ratio K○d /K○d (g) five times
smaller than acetic acid (based on molar volumes of the pure acids),
confirming the order of magnitude of the effect. In view of the high
level of uncertainty in the experimental data, a more refined model
(e.g., Pierotti’s56) is not warranted at this time.

The important result here is that the quadrupolar interac-
tions appear to have a first-order contribution to the solvent effect
on Kd, which, to our knowledge, has never been even formulated
as a hypothesis until now. For benzene and toluene, the solvent
quadrupolar contribution is nearly equal to the solute dipole–solvent
polarizability interaction. The classical Onsager cavity model (which
ignores LQ) fails to predict K○d /K○d (g) by a factor of 4–10 for all three
strongly quadrupolar solvents considered—benzene, toluene, and
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CS2; see Table VI. Moreover, good agreement between the cavity
model and the experimental data confirms the theory of Dimitrova
et al.14,15 for the quadrupolar length LQ of these liquids.

B. Dimer dissociation enthalpy
Our experiments also provide values for the heat of closed

dimer dissociation, which can also be compared with the results of
the quadrupolar cavity model. The effect of a solvent on the heat
of dissociation Δd,cH can be obtained via differentiation of Eq. (29)
using the Gibbs–Helmholtz equation,

Δd,cH = kBT2(∂ ln Kd,c

∂T
)

p
= Δd,cH(g) − 2T2(∂ΔsμCOOH/T

∂T
)

p
.

(31)

Here, Δd,cH(g) is the heat of complete dissociation of a closed acid
dimer in the gas phase. The cavity term in Eq. (30) is of entropic
origin, so it has no contribution to the enthalpy, i.e., stearic and
acetic acids should be expected to have similar heats of dimer dis-
sociation. Substituting here Eqs. (25) and (28) and performing the
differentiation lead to

Δd,cH − Δd,cH(g)

= 2ΔsμCOOH +
TXpp2

0

(1 − αpXp)2

×
⎧⎪⎪⎪⎪⎨⎪⎪⎪⎪⎩
−(∂ ln R3

cav

∂T
)

p
+

3ϵ0ϵ[ fp(∂ ln ϵ
∂T )p

− (∂ fp
∂T )p

]

(2ϵ + fpϵ0)(ϵ − fpϵ0)

⎫⎪⎪⎪⎪⎬⎪⎪⎪⎪⎭
,

where

(∂ fp

∂T
)

p
= LQ

Rcav

d fp

dx

⎡⎢⎢⎢⎢⎣
(∂ ln LQ

∂T
)

p
− 1

3
(∂ ln R3

cav

∂T
)

p

⎤⎥⎥⎥⎥⎦
. (32)

The term 2ΔsμCOOH dominates this expression, but the contri-
butions from (∂ ln R3

cav/∂T)p, (∂ ln ϵ/∂T)p, and (∂ ln LQ/∂T)p are
also significant. The values of (∂ ln ϵ/∂T)p and (∂ ln LQ/∂T)p are
readily available for the solvents studied; see Table VI. The value
(∂ ln R3

cav/∂T)p is more difficult to find. Ideally, it should be based
on a carefully parameterized mixing rule for the mixture of hydro-
carbon and acid; see Ref. 90. In the absence of data, we tried different
approximations for (∂ ln R3

cav/∂T)p based on (partial) molar volume
derivatives (∂ ln v/∂T)p, including those of HCOOH in various sol-
vents91 and in pure HCOOH,89 and an average. We have concluded
that (∂ ln R3

cav/∂T)p = 1.02 × 10−3 K−1, as for pure HCOOH, is
reasonable (see SI-8).

The values of the change in enthalpy of dissociation compared
to gas-phase dimer dissociation are calculated according to Eq. (32)
in Table VI and are compared to our experimental results from
model 1 (no open associates) and literature data (unfortunately, data
for ΔdH of saturated acids in hydrocarbons in the absence of water
are scarce). The agreement is acceptable in all cases, although there
is an apparent trend that the theoretical value of Δd,cH is lower than
the experimental ΔdH by 3–5 kJ/mol, as if the actual dimers are “less”
associated than the electrostatic model would predict.

One possible reason for this is that a model with closed dimers
only is inadequate, and actually, the value ΔdH = 40–41 kJ/mol for

benzene and toluene is a mean for some 20% open and 80% closed
dimers, rather than just closed dimers, as assumed by model 1 in
Tables II and III. To test this hypothesis, we fixed Δd,cH to the
theoretical value from Eq. (32) and applied open-dimer model 2
[specified with Eqs. (15), (16), (19)–(21), and (23)] to the data for
anhydrous toluene and cyclohexane; see the last rows in Tables II
and III. The results confirm our hypothesis: this four-parameter
model has the same dispersion as the one from model 1, i.e., from
the viewpoint of the FTIR data alone, they are indistinguishable.
From the viewpoint of parameter values, however, the model that
uses our additional theoretical expectation for the value of Δd,cH is
giving more reasonable parameter values.

In all cases, the quadrupolar cavity model is a dramatic
improvement compared to the classical Onsager–Böttcher theory,
which falls short by ∼15 kJ/mol in predicting the solvent effect. This
means that the quadrupolar interactions are a major contribution to
the solvent effect on the enthalpy of dimerization.

C. Solvent effect on hydration
The data for heterodissociation (RCOOH-H2O ⇄ RCOOH

+ H2O) can be dealt with similarly to those for homodissociation.
In this case, one can write

ln Kh = ln Kh(g) − ΔsμCOOH/kBT − ΔsμH2O/kBT, i.e.,

Kh

Kh(g)
= exp [ Xp,COOHp2

0,COOH

2kBT(1 − αp,COOHXp,COOH)

+ Xp,H2Op2
0,H2O

2kBT(1 − αp,H2OXp,H2O)
]. (33)

Here, ΔsμH2O is the energy of interaction of the dipole of water with
the polarizable and quadrupolarizable medium. We have taken the
following parameters for water: Rcav = 1.93 Å (calculated from the
molar volume of liquid H2O at room temperature); for the dipole
moment, p0 = 1.86 D; the polarizability αp = 1.47 Å3.90 Direct com-
putation gives K○h /K○h (g) = 105 for cyclohexane and 5100 for toluene.
We cannot compare these values directly with the experimental ones
as K○h (g) in the gas phase is not available. However, their ratio gives
K○h (toluene)/K○h (cyclohexane) = 49, which can be compared to the
experimental ratio, K○h (toluene)/K○h (cyclohexane) = 23 with fixed
model 2 and 30 with xo from Tables IV and V The results from
model and theory are, thus, again in reasonable agreement. The
factor 1.6 difference may be attributed to the fact that, unlike the
symmetric homodimer, the heterodimer retains a significant dipole
moment, probably of the order of 1 D. In this case, toluene stabi-
lizes not only the monomer water and acid but also their dimer, i.e.,
K○h /K○h (g) = 5100 for toluene is probably too high.

A similar effect actually appears with open dimers, which are
also asymmetrical and have a significant dipole,47 so a polar sol-
vent would stabilize the open form in equilibrium (3). Indeed, this
is confirmed by the last rows in Tables II and III: from the values
of xo there and Eq. (4), we calculate Ko

○

(toluene)/Ko
○

(cyclohexane)
= 0.067/0.0084 = 8, reflecting the solvent effect on the energy of the
dipole moment of the open dimer. This also confirms that the frac-
tion of open dimers in the gas phase is negligible [so our assumption
that Kd(g) = Kd,c(g) is correct].
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VI. CONCLUSIONS
A body of experimental FTIR data over concentration and

temperature allows for the determination of thermodynamic para-
meters of association/dissociation of acids in two hydrocarbons.
Careful regression is required to minimize the uncertainty of K○d
and ΔdH, and the simultaneous use of data from both monomer
(“unassociated”) and dimer (“associated”) >C=O peaks is recom-
mended. The determination of the fraction of open and closed
dimers is particularly difficult as it is hard to separate the effects from
this dissociation and the temperature dependence of absorption
coefficients.

Reasonable values of the heat of dimer dissociation ΔdH (a
rarely reported quantity) were determined for stearic acid in cyclo-
hexane and toluene. The experimental FTIR data also allow for the
determination of the parameters of hydration (i.e., acid–water het-
eroassociation). There are very few other studies that report these
important heteroassociation parameters.

A new, quadrupolar cavity model for the solvent effect on
dimer thermodynamic characteristics is developed based on the
general quadrupolar reaction field theory of Dimitrova et al.14,15

This, to our knowledge, is the first molecular theory of the sol-
vent effect on dimerization constants of these species in the stud-
ied solvents and the first theory of the solvent quadrupolar effect
on the state of polar species in non-polar liquids. It extends
the classical Onsager–Böttcher model to solvents of small dielec-
tric constant but large quadrupole moment, which includes many
important fluids. It captures well the solvent effect on all ther-
modynamic parameters of association. The solute dipole–solvent
quadrupole interaction is shown to be a first-order solvent effect
on both the dissociation enthalpy and the dimer dissociation con-
stant Kd. The solvation free energy that corresponds to Kd is,
according to Eq. (29), ΔsμCOOH = −1/2kBT ln Kd,c/Kd,c(g), which
for toluene is −3000 J/mol with dielectric permittivity only vs
−5700 J/mol for a polarizable–quadrupolarizable medium (para-
meters from Table VI), i.e., the quadrupoles double the solvent
effect. This has important implications for the continuum sol-
vent models widely used in quantum chemistry computations,
such as PCM:67 in quadrupolar liquids, the Poisson equation of
electrostatics is not sufficient to describe the solvent effect and
the quadrupolar equation of electrostatics (1) should be used
instead.

The developed model is in excellent agreement with the litera-
ture results for Kd of acetic acid in various solvents, without fitting
parameters. It also predicts well the enthalpies for stearic acid. The
dimer dissociation constant of stearic acid requires a correction for
the entropic effect due to the size mismatch between solute and
solvent.

The combination of the FTIR results and the theoretical expec-
tation for the heat of dissociation of closed dimers allows the
effects from the temperature dependence of the dissociation and the
absorption coefficients to be separated (which is impossible from
FTIR data alone). This allows the fraction xo of open dimers to be
estimated in toluene and cyclohexane as a function of temperature.
The fraction is significant in toluene (xo = 5–6% at room temper-
ature, ∼20% at 70 ○C) and less so in cyclohexane (∼1% at room
temperature, 3%–4% at 70 ○C).

SUPPLEMENTARY MATERIAL

The supplementary material, which is available free of charge at
the ACS website, is given as follows:

SI1a: Experimental determination of absorption coefficients
using the ester approach.

SI1b. Experimental determination of absorption coefficients
using the method of Garti.80

SI1c: Experimental determination of absorption coefficients
using the method of Fujii.

SI2: Total absorbance.
SI3: Sensitivity analysis.
SI4: Introduction to analysis.
SI5: Complete datasets and model fits with fitted parameters for

all samples for all models discussed in the main text.
SI5a: ALL MODEL FITS: stearic acid/toluene “anhydrous.”
SI5b: ALL MODEL FITS: stearic acid/cyclohexane “anhydrous.”
SI5c: ALL MODEL FITS: stearic acid/cyclohexane “hydrated.”
SI5d: ALL MODEL FITS: stearic acid/toluene “hydrated.”
SI6: Literature values of equilibrium constant and selection of

units.
SI7: Examples of fitted FTIR data.
SI8: Derivative approximation.
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