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ABSTRACT
Solubility parameters, developed originally for regular solutions, have been applied to
solutions beyond the presumed weak non-ideality, implying that the true foundation of the

solubility parameters may be more general than the regular solution theory. To assess the root
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of regularity on rigorous statistical thermodynamics, here we re-examine the classical iodine
dissolution experiments by Shinoda and Hildebrand, who concluded that the entropy of mixing
is ideal regardless of solute-solvent size ratio. We show that iodine solubility is concerned with
the limit of infinite dilution, while the regular solution theory is a scheme to describe the
dependence on the solute concentration. This means that the solubility of iodine cannot be a
foundation of the regular solution; it is further shown that the differences in the solvation free
energy among organic solvents are dominated by enthalpy with negligible role of the entropic
component. In addition, the validity of the regular solution concept, i.e., the enthalpic nature
of the solution non-ideality, can now be examined quantitatively by expressing the Margules
model in terms of the Kirkwood-Buff integrals, which incorporate the excluded volume effects
and the potential of mean force nature of interactions that were beyond the reach of the classical
thermodynamic models. Such insights into the physical basis of solubility parameters may be

useful for improving solubility prediction.

1. Introduction

There has been a resurgence of interest in Hildebrand [1,2] and Hansen [3.,4] solubility
parameters, due to the need for rational solvent selection and alternative solvent development
for greener processes [5—12]. The idea of the solubility parameters originally came from the
regular solution theory [1,2], whose applicability is strictly limited to mixtures whose weak
deviation from ideality is enthalpic. However, solubility parameters turned out to be useful for
mixtures that cannot be considered regular [4], suggesting that it may be more versatile than
the regular solution theory itself. This raises a question as to what the solubility parameters
really are based upon. We will address this question through rigorous statistical

thermodynamics.
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Our goal is to establish the physical basis of solubility parameters for improving solubility
prediction. As a first step, we will show that the ad-hoc nature of the classical thermodynamic
foundation [1,2], upon which the regular solution theory and the solubility parameters are
based, is often inconsistent and cluttered, and that their foundation can be made clearer and
more transparent based on the modern statistical thermodynamics of solvation by Widom [13],
Ben-Naim [14,15], and Gurney [16]. To appreciate this, let us first summarise the classical
thermodynamic foundation of the regular solution theory, based upon the following well-
known relationships that have arisen from the cell theory of mixing equal-sized solutes and
solvents [1,2,17—-19]

= u$ + RTInx; +wx? (1)

ty = uS + RT Inx, + wx? (2)
where u;, u? and x; express the chemical potential, standard chemical potential and mole
fraction of the species i, respectively, and i = 1 and 2 represent the solvent and solute,
respectively. Here, the terms involving w express the deviation from ideality. However, the
physical meaning of w, as will be shown, has been dependent on model assumptions;
Hildebrand and coworkers have shown that

(1) RT In x; arises from the entropy of mixing, whereas ij2 originates from the enthalpy of
mixing [1,2].

(2) The size disparity between the solute and solvent, predicted by Flory [20,21] and Huggins
[22], is negligible, hence Eqs. (1) and (2) are applicable regardless of size disparity
[1,2,23].

These conclusions, when used in conjunction with the following assumptions,
(3) Egs. (1) and (2) are valid for the entire composition range, hence u{ and ug are of the

pure system [1,2];
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(4) w can be calculated from the difference of cohesive energy densities (“solubility
parameters”) between the solute and solvent [1,2],
have been considered to be the basis for predicting the solubility (Inx,) via Eq. (2) from the

solubility parameters via w.

The experimental evidence for (1) the ideality of the mixing entropy and (2) the negligibility
of size disparity comes from a series of iodine dissolution experiments in which the entropy of
solution (1) exhibited a linear correlation to the ideal mixing entropy and (ii) showed no
dependence on solvent size, despite the wide variety in the partial molar volume of the solvents
(Figure 1) [1,2,23-29]. Thus the seminal work by Hildebrand and coworkers [1,2,23-29] have

provided a justification for some of the important pillars of the regular solution theory.
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Figure 1. Iodine dissolution experiments in a number of solvents, in which the correlation

between the “ideal mixing entropy” (—R In x,, where x, is the solubility of iodine in mole-
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fraction scale) and the “entropy of solution” (R XTZ) has traditionally been interpreted as the

n

basis for (i) neglecting the entropy of mixing arising from solute-solvent size ratio and (ii) the
prediction of solubility based on solubility parameters derived from enthalpy. The experimental

data were taken from Shinoda and Hildebrand [25-28].

However, that the mixing entropy is independent of solute-solvent size disparity is at odds
with the Flory-Huggins lattice model [20-22] and with its re-derivation by Hildebrand based
on van der Waals fluids [1,2,30] that have led to the existence of the non-ideal mixing entropy
arising from solute-solvent size disparity. Attempts have been made in the 1990s to reconcile
the size-independent nature of iodine dissolution with the size-dependent entropy of mixing,
motivated largely by the need for quantifying the hydrophobic contribution to protein stability

[31,32,41-49,33-40]. However, the paradox has remained unresolved [44].

This paradox on the apparent solvent size independence of iodine dissolution entropy can
only be resolved using the rigorous statistical thermodynamics of solvation, as will be
demonstrated in the present paper. Statistical thermodynamics becomes particularly helpful
through its ability in attributing a molecular-based physical meaning to thermodynamic
quantities. This becomes particularly important because the previous analyses were carried out
using the following expression for the entropy of solution AS, by Hildebrand (derivation

summarised in Appendix A) [1,2]

dlnx,

AS, =R it 3)

which is called the “Hildebrand entropy” and has been acknowledged to be different from the

definition of the entropy of solution in other concentration scales [50-52]. As its name
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indicates, the “Hildebrand entropy” is different from the entropy of dissolution, and we will

demonstrate that it is actually enthalpic.

Our statistical thermodynamic re-analysis of the iodine dissolution experiments (Section 2)
will show that the iodine dissolution experiments cannot be interpreted as the support for the
ideality of mixing entropy regardless of solute-solvent size disparity nor does it have any
connection to w. The point of the iodine experiments is instead the dominance of enthalpy in
solvation free energy difference. In addition, origin of the deviation from ideality can be
identified rigorously by the Kirkwood-Buff (KB) integrals [53,54,63,55—62] that shows not
only the enthalpy of mixing [1,2,21,46,64] but also the excluded volume effect and solvent-

mediated interactions play an important role (Section 3).

2. Solubility and solubility parameters

The entropy of solution for iodine (according to Eq. (3)) were shown to be ideal even in solvents
widely differing in size [1,2,23-29], and has been used as evidence for solubility prediction
based on solubility parameters (see assumptions 1-4 and Egs. (1) and (2)). Based on rigorous

statistical thermodynamics, here we examine the validity of this interpretation.

2.1. Iodine dissolution does not support the ideality of mixing entropy

Consider iodine as solute (indexed as i = 2), which is in equilibrium with the solvent (i = 1).
Due to the difficulty of dealing with the solid phase, let us focus on the difference in solvation
of a single solute between solvents. In the following, the solvent species is distinguished by a

superscript («).
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According to the statistical thermodynamics of solvation, the chemical potential of the solute,

U, can be decomposed into the following manner, in terms of (i) the pseudochemical potential

,uga) which signifies the free energy of inserting a solute molecule at a fixed position in the

solvent @, and (ii) the free energy of liberating a solute from a fixed position (which can be
expressed in terms of the molar concentration of the solute ¢, )) as
1 = 1" 4+ RTIn c{¥03 (4)

where A, is the momentum distribution function of the solute [15]. The pseudochemical

(a)*

potential ;" is the standard, quantitative measure of solute-solvent interaction in solution

chemistry [14].

Iodine solubility, on the other hand, has been reported using the mole fraction concentration

(@)

scale, x, °, instead of molarity required by the statistical thermodynamic theory (Eq. (4)).

Hence, we need to link the two solubility scales. Fortuitously, iodine solubility in most solvents
are dilute enough such that the approach based on ideal dilute solutions can simplify the
theoretical treatment significantly [1,2,23-29]. At this limit,

@ __g” g

~ (@ (06)
X2 T @@ T (a) =W (5)

Vl(“) is partial molar volume of the solvent . Combining Egs. (4) and (5), we can write down

the transfer free energy of iodine from the solvent a to the solvent £ in the following manner:

(ﬁ) B)
AP = —RTIn (a)+RT1nV(a) (6)
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Since the regular solution theory requires the consideration of entropic and enthalpic
contributions to the transfer free energies, the isobaric entropy As, and enthalpy Ah;, of

transfer can be calculated straightforwardly from Eq. (6)

B

X
ORIn=2~
(a-p)* B (a) 8B)
—B)* A V.
Asga B — (222 = Rln%+ — %2 _RIn 1 — RT (afﬁ) - afa))
aT PN x, dlnT A
» B
X X
ORIn=2— ORIn~2~
(a—p)+ (@) (a—p)« (a)
_ A X~ ( B _ (a)) Ay D)
- T omr RT (o 4 )= Tt omr )
»
OR ln%
Ahga_)ﬁ)* — A'ug(x—)ﬁ)* + TAséa—)ﬁ)* - T aln’;z _ RTZ (aiﬁ) _ aia))
B
ARINZ
2@ 2
T 5mr ®)
. o . d
where the minor contributions from the expansivity of the pure solvent a; = Vl (a_‘;l) have been
1

neglected.

Defining the transfer entropy and enthalpy statistical thermodynamically via Egs. (7) and (8)
has significant advantages. Firstly, as has been shown by one of us that the entropy and enthalpy
of solvation defined via Egs. (4)-(6) can be attributed to the solute-solvent and solvent-solvent
interactions around the solute, which converges within finite distance, thereby establishing a
link between solvation thermodynamics and its underlying physical picture of the “solvation
shell” [65—-69]. Secondly, purely thermodynamic approaches based on the mole-fraction scale,
when considering entropy and enthalpy, faces significant conceptual difficulties arising from
the need for the “mixing” process and its interpretational difficulties on a molecular scale

[14,70,71].
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Let us now apply Egs. (6)-(8) to the interpretation of the classical iodine dissolution

: : . . = _ ORI
experiments. According to the regular solution theory, a correlation between AS, = 5 1:;2

and

—R In x, (ideal mixing entropy, Figure 1) signifies the ideality of the entropy of solution
(assumption 1 in Section 1) regardless of the solute-solvent size ratio (assumption 2), in which

the deviation from ideality is entirely enthalpic (assumption 1) [1,2,23-29]. However,

ORInx,
olnT

according to statistical thermodynamics, signifies the enthalpy (Eq. (8)), whereas

—R In x, is predominantly the free energy of solvation (Eq. (6)). Thus, according to statistical

thermodynamics, iodine dissolution experiments are a direct evidence for the enthalpy-

@=F) o pAph)

dominated transfer free energy, Au, and the negligible entropy contribution,

Asz(a_)ﬁ =~ 0 (Figure 2). It should be noted that a solution is always ideal (dilute ideal solution)

at dilute conditions [1,2,15,17,19], hence the chemical potential depends on x> in the form of
RT In x> at small x2, and thus our focus in the above discussion is not the dependence on x»
since the x> dependence is trivial for dilute solutions. What our analysis revealed is Asza_)ﬁ *
0, that is about the excess partial molar entropy, i.e., the entropy change upon dissolution of a

single solute molecule; its x> dependence does not come into the discussion since iodine was

dilute in Figures 1 and 2.
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Figure 2. Re-interpretation of iodine dissolution experiments, as a correlation between the

10

enthalpic (AR, Eq. (8)) and free energy (Aus®~**, Eq. (6), red) contributions, as well as

its approximation (—RT In x,, black). The blue line corresponds to A,uga_’ﬁ > = Ahga_)ﬂ ) The

reference solvent, a, was chosen to be SiCls. The experimental data were taken from Shinoda

and Hildebrand [25-28].

The above conclusion of ours constitutes a resolution of the paradox, i.e., the apparent
independence of the Hildebrand “entropy of solution”, AS,, on solute-solvent size ratio,
expected from the Flory-Huggins and van der Waals fluid theories [1,2,20-22,30]. This
paradox has been revisited in the 1990s in the context of quantifying hydrophobic stabilization

of proteins from transfer free energies of amino acids [31,32,41-49,33—40], yet has remained

. ,» ORI
unresolved, because of the use of Hildebrand’s “entropy”, =2

Smp S entropy [41,44].

ORInx,
al

According to Eq. (8), we can see that the correlation between —R In x; and —

(Figures 1

10
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and 2) has nothing to do with the size-dependent entropy of mixing. The “Hildebrand entropy”
is actually an enthalpy, and a conclusion about the entropy is that the solvation entropy is not

different among the solvents for dilute iodine.

The dominance of transfer enthalpy on the free energy has been observed also in xenon
solubility (Figure 3) in alkanes [72—74], alkanols [75], cyclic alkanes, carboxylic acids,
aldehydes [76], and fluoroalkanes [77]. Indeed, the virtual independence of solvation entropy
on solvents has been observed widely in gas solubility measurements for many decades [50,72—
77]. Instead of being a support for the regular solution theory, the Shinoda-Hildebrand

experiments seem to be another example of this common empirical relationship.

Auga_)ﬁ )* k] mol~1

AR P) K mol?

Figure 3. Correlation between experimental transfer enthalpy (Ahgaﬁﬁ ), Eq. (8)) and free

energy (A,uga_)ﬁ )*, Eq. (6)) of xenon from hexane (as the reference solvent ) to alkanes

(red),[72—74] alkanols (green) [75], cyclic alkanes, carboxylic acids, aldehydes (black) [76],

and fluoroalkanes (orange) [77]. The blue line corresponds to A,uga_)ﬁ > = Ahg“_)ﬁ ),

11
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The free energy of solvation also exhibits a linear correlation with enthalpy when various
solutes are dissolved in a single organic solvent [1,2,51,52,78], just like the linear free energy
relationship (LFER) which has been observed quite universally [79,80]. Thus, enthalpy serves
as a predictor of solvation free energy (namely, solute-solvent interaction), which is the true

foundation of solubility prediction.
2.2. Solubility, via the regular solution theory, cannot be linked to solubility parameters

Solubility prediction by w (and consequently the solubility parameter difference under the
mixing rule) pre-supposes that Eqgs. (1) and (2) are valid for all solute-solvent composition
range (assumption 3 of Section 1), so that the solubility difference can be attributed to the
difference of w via Eq. (2) and to the solubility parameters via the mixing rule (assumption 4).
Here we examine the validity of the assumption 3 using statistical thermodynamics

[53,54,63,55-62].

Indeed, w was introduced originally for the purpose of quantifying the deviation from ideal
mixing (see Egs. (1) and (2)). The deviation from ideality can in general be quantified by the
activity coefficient y; of the species i. Our goal therefore is to identify the true origin of non-
ideality and how it compares with the perspective of solubility parameters. Let us start from
the following statistical thermodynamic relationship, i.e., the Maclaurin expansion of Iny; at
the infinite dilution of species 2, which can be derived from the Kirkwood-Buff [53] theory
[15,81]:

Iny; =

Gi1+G35-2G13 2 , .
( 210 )xz + ©)
where G;; is commonly referred to as the Kirkwood-Buff integral (KBI) defined as

12



245

246

247

248

249

250

251

252

253

254

255

256

257

258

259

260

261

262

263

264

265

266

267

Gij = 4n [drr?[g;(r) — 1]

(10)
in which g;;(r) is the radial distribution function between the species iand j. (Note that the
superscript, (a), for the solvent species, unless indispensable, will be omitted from this section
onwards. See Appendix A of Ref [81] for the derivation of Eq. (9).) The superscript oo refers
to the infinite dilution of the species 2, and the superscript 0 is for the pure state of the solvent.

This means that Eq. (1) is holds true strictly at small x,, with

GR+G35-2GS

W=RTT (11)

as the statistical thermodynamic interpretation of w. To write down the expression for u,, let
us use the Gibbs-Duhem equation, x;du,; + x,du, = 0, which, in conjunction with Egs. (1)

and (11), yields

de

du, = RT22 - 2RT(1 — x,)dx, (12)

X
whose integration yields
ty = RTInx, +wx? +C (13)

where C is a constant. C can be determined by comparing Egs. (13) with Egs. (4) and (5), i.e.,

at infinite dilution condition of solutes, x, — 0. Taking up to the first order of x,,
3

Uz = 5 + RT Inx, — 2wx, + RTln% (14)
1

This is different in form from Eq. (2) nor it is valid for the entire composition range.

Eq. (14) shows that the transfer free energy A,uga_’ﬁ )* deviates from its infinite dilution value

(Auga_’ﬁ )*oo) in the following form
aufP" = apSEP — 2 (WP — w B P) (15)

This, in conjunction to Eq. (6) and the negligibility of its second term, yields

13
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)
ApLEI > o (w(ﬁ)xgﬁ) _ W(ﬁ)xgﬁ)) — —RT In*2

@

(16)
Taken together with the enthalpy dominance of the transfer free energy, Ap'®"#* = AR P,

we obtain

B
—RTln% = AR 4+ 2w B P — w@x (D) (17)
2

The lessons from iodine and gas solubility measurements is now summarised in a compact
form by Eq. (17). The solubility difference comes from the enthalpy difference (the first term
of the right-hand side). Yet, against the expectation of the regular solution theory, the second

term involving w makes a negligible contribution since x» is small.

In conclusion, Shinoda-Hildebrand experiments has nothing to do with the regular solution
theory; solubility has nothing to do w (assumption 3) nor the presumed enthalpic nature of w

(assumption 1).
3. Solubility parameters as the approximate Kirkwood-Buff integrals

Even though the regular solution theory was shown to be irrelevant to the interpretation of
solubility experiments by Shinoda and Hildebrand, what really makes a mixture a regular
solution should be defined rigorously. As in Section 2.2, this requires us to identify how In y;
deviates from 0. Here we show that the lowest-order deviation from ideality (the terms with
w), now expressed in terms of the KBIs, which will identify the contributions beyond the reach

of the regular solution theory.

14
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3.1. The regular solution from a statistical thermodynamic perspective

Let us start from Eq. (9), which can provide a microscopic interpretation for the well-known
empirical formula by Norrish and Margules [81]

Iny, = AxZ + --- (18)
Comparing Egs.(9) and (18), the Margules-Norrish parameter can be interpreted as[81]

_ G1i+G55-2G13

Eq. (18), despite its derivation at x, < 1, is often applicable to mixtures far beyond infinite

dilution [81], suggesting that KBIs at infinite dilution (Eq. (19)) may play a determining role

on non-ideality over a wider concentration range [81].

The rigorous statistical thermodynamic result (Eq. (19)) can now be compared to the regular
solution theory [1,2,23]. Based upon the concept of the cohesive energy density of a pure
substance, c;; (energy of vaporization of pure species i liquid per molar volume) and its
generalization to incorporate the “mutual” term ¢;; [64], the activity coefficient can be

expressed as [1,2]

Vi(c11+€22—2¢12) ¢2

Iny, = alatata 4 (20)
where ¢; is the volume fraction the species i. (In the context of the polymer theory, ¢;; +

Cyy — 2Cq3, 1s related to the Flory y parameter [21,46].) A comparison of Eq. (20) with Eq. (9)

(which can be done at infinite dilution of the species 2 by exploiting ¢, = Z—zxz with the partial
1

molar volume of the solute V,) shows

— Gii+G33—2G13 — VE(C11+Ca2—2€12) @1)

2v? RTVY

A

This reveals the following correspondence between the regular solution theory and the rigorous
statistical thermodynamic KB theory:

15
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RTGyj
2V2

cij © (22)
This means that

1. G;j comes from the potential of mean force between the species in solution [82-86],
whereas ¢;; focuses exclusively on contact energies;

2. a negative (and often dominant) contribution to G;; from the excluded volume effect
[57,58,60,87-93] (Appendix B) is not present in ¢;;, which focuses exclusively on
enthalpy;

3. the long-ranged contribution form g;;(r) to G;; (Eq. (10)) is not considered in the ¢;;
based chiefly on contact energies.

Indeed, a particularly striking consideration that G55, which is related to the osmotic virial
coefficient by G,, = —2B,,, is generally very different from the interactions between the two
solutes in pure phase [82—86], underscoring the importance of the potential of mean force

effectively to describe solute-solute interactions. (Note that the distribution function g;;(r) is

. . Dyj
related to the potential of mean force between the two ®;;(r) via g;;(r) = exp (— %) and

that ®;;(r) can be substantially different from the pair potential between i and j due to the

presence of the solvent molecules).

3.2. Solute-solute potential of mean force: solubility parameters vs statistical

thermodynamics
The key differences between the non-ideality from the regular solution theory and statistical

thermodynamics have been identified in Section 3.1. Let us compare the predictions from the

solubility parameters with experimental data.

16



340

341

342

343

344

345

346

347

348

349

350

351

352

353

354

355

356

357

358

359

360

361

362

363

Our goal is to compare the Margules-Norrish A and the infinite dilution solute-solute G55
with the predictions from the solubility parameters. Firstly, A can be obtained from the
parameters A, and A,; of two-parameter Margules model [94],

Iny; = (Ap + 2(Az1 — Ar)x1)x5 = (241 — Ap)xs + -

(23)
which, upon comparison with Eq. (18), yields
A =24y —Ap (24)
Secondly, G35 can be calculated using two well-known KB relationships [15],
Gy, = —V? + RTky (25)
Gy = -V, + RTky (26)
where V? and V,;°express the partial molar volumes of the pure solvent and the solute at infinite
dilution limit, respectively. kr, the isothermal compressibility, is neglected due to its small
(typically few cm® mol™) contributions [95]. Based on Egs. (25) and (26), Eq. (19) can be
rewritten as

63 = QA+ DVL — 2V (27)

The A and G35 obtained from experimental data processed through rigorous statistical
thermodynamics can now be compared with those obtained from the solubility parameters.
Note that solubility parameter model employs the “mixing rule” assumption (¢;; = v/¢11C22)
and defines the Hildebrand solubility parameters, as ¢;; = 67 [1]. This will transform Eq. (20)
into the fundamental relationship (the Scatchard-Hildebrand equation) [1,2,64,96] in the

regular solution theory,
Iny; = = (8, — 8,)%¢3 (28)

and Eq. (18) into the following form:

17
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AziV_ZZ
RT V,

(61— 62)? (29)
Within the framework of Hildebrand solubility parameters, there are two possible ways to
predict G55 from the solubility parameters. The first is from A calculated via Eq. (29) combined

with Eq. (27), where the latter is a general statistical thermodynamic relationship. The second

is from the correspondence Eq. (22) together with the solubility parameter, as

w  2VE 2V262
G =" = ar (30)

Table 1 compares Margules-Norrish A calculated from the solubility parameters (Eq. (29))
to the experimentally-derived ones obtainable from the two-parameter Margules model (Eq.
(24)). The generally poor agreement between the two demonstrates that the solution non-
ideality, characterized by the Margules constant, cannot be reproduced by the solubility
parameters. We also note that, due to the mixing rule, the Margules constant is always predicted

to be positive, hence the solubility parameters can only reproduce the positive deviation from

ideality.
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Table 1. Calculation of A (Eq. (24)) from the two-parameter Margules model and from the
Hildebrand solubility parameters (using Eq. (29)).

Solvent (1) Solute (2) A A
Margules® | Hildebrand®

Acetone Chloroform -0.28 0.04
Acetone Methanol 0.54 0.90
Benzene Chloroform 0.10 0.02
Benzene Ethanol 2.20 0.87
Benzene Methanol 2.49 0.90
Chloroform Benzene 0.09 0.02
Chloroform Acetone -1.12 0.03
Chloroform Methanol 2.64 1.00
Ethanol Benzene 1.11 3.11
Ethanol Ethyl acetate 0.96 4.22
Ethanol n-hexane 1.17 15.10
Ethyl acetate Ethanol 0.64 0.90
Ethyl acetate Methanol 0.95 0.90
Methanol Acetone 0.66 5.37
Methanol Chloroform -0.07 7.72
Methanol Benzene 1.44 9.63
Methanol Ethyl acetate 1.10 12.57
Methanol Methyl acetate | 0.91 7.58
Methyl acetate | Methanol 1.06 1.01
n-hexane Ethanol 3.47 1.34

“Based on Margules parameters A,, and 4,; (see Eq. (24)) compiled by Perry and Green [94];
Based on the Hildebrand solubility parameters [1,23] (see Eq. (29)).

Table 2 compares the solute-solute KBI, G35, calculated from the regular solution theory in
two different ways (A from the solubility parameters (Eq. (29)) and directly from the solute’s
solubility parameter (Eq. (30)) to the experimentally-derived ones from the two-parameter

Margules model (Eq. (27)). The gross overestimation by Eq. (30) shows that contact energy
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alone cannot be a good predictor of solute-solute interaction in solution. We observe, quite
fortuitously, the mixing rule approximation improves the solubility parameter prediction. Yet
the predictions based on the solubility parameters is still poor, with the tendency of grossly
overestimating G55. The reason for this gross deviation may be multiple, however, note the V.2
dependence of a in the Hildebrand model (Eq. (29)), which overrides the second term of Eq.
(27) (first order of V) when V, is large. This means that the larger the solute, the more self-
aggregation it predicts in an exaggerated manner, considering that A from the solubility
parameters are always positive, even though size-dependent self-aggregation can also be

predicted from a purely excluded volume-based perspective (Appendix B).
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Table 2. Calculation of G55 (Eq. (25)) from the two-parameter Margules model and from the
Hildebrand solubility parameters (using Egs. (29) and (30)) based on the same data as Table

1.

Solvent (1) Solute (2) G5 G35 Gy
Margules | Hildebrand | Hildebrand
(Eq. 29) (Eq. 30)

Acetone Chloroform -127.9 -81.4 1807
Chloroform Acetone -246.6 -62.5 1689
Acetone Methanol 74.7 124.9 1168
Methanol Acetone -49.5 328.9 1689
Chloroform Benzene -70.6 -79.1 2255
Benzene Chloroform -88.5 -99.9 2436
Chloroform Methanol 560.1 159.3 1168
Methanol Chloroform -199.8 505.8 1807
Ethanol Benzene 6.6 2423 2255
Benzene Ethanol 363.3 127.4 1889
Ethyl acetate Ethanol 106.4 157.0 1889
Ethanol Ethyl acetate -26.9 356.0 2551
n-hexane Ethanol 925.9 365.4 1889
Ethanol n-hexane -71.4 1559.6 3065
Methanol Benzene -21.4 641.9 2255
Benzene Methanol 450.6 168.6 1168
Methanol Ethyl acetate -65.7 863.8 2551
Ethyl acetate Methanol 205.0 191.8 1168
Methyl acetate | Methanol 168.9 158.6 1168
Methanol Methyl acetate | -44.3 496.3 1776

The comparison above thus points to the importance of considering solute-solute potential

of mean force directly in the modelling of mixing.
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4. Conclusion

Our goal is to establish the physical basis of solubility parameters for improving solubility
prediction. Solubility parameters have been applied with success in wide-ranging applications
beyond the remit of their theoretical foundation, i.e., the regular solutions theory [5—12]. This
raises a question as to whether the solubility parameters are really based on the regular solution
theory or on a more general theoretical basis. Indeed, the ad-hoc nature of the classical
thermodynamic foundation [1,2], upon which the regular solution theory and the solubility
parameters are based, often led to controversies [31,32,41-49,33—40], which have also

motivated us to carry out a clarification based on rigorous statistical thermodynamics.

Statistical thermodynamics has raised questions over the traditional interpretations of iodine
dissolution experiments:
(1) The basic relationships for the regular solution theory (Egs. (1) and (2)) cannot be
applied for the entire composition range.
(2) Whether the solution is regular, i.e., that the non-ideality term, wx3, is enthalpic, has
nothing to do with solubility prediction.
(3) Whether varying solute-solvent sizes has entropic ramification is irrelevant to the
interpretation of iodine dissolution experiments.
Thus, the Shinoda-Hildebrand iodine dissolution experiments does not constitute the support

for the basis of the regular solution theory.

Statistical thermodynamics has shown instead that the classical iodine dissolution should be
reinterpreted as the dominance of enthalpy in transfer free energies, due to the near-constancy

of the solvation entropy over many common organic solvents. We advocate that the classical
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experiments that have been considered to support the regular solution theory and the solubility
parameters should now be reinterpreted as the following:
(1) The linear free energy relationship, i.e., the solvation free energy is linearly correlated
with the enthalpy.
(2) The mixing rule applied to the enthalpy of solvation.
These two principles should replace the current foundation for the solubility parameters, which

are inaccurate and convoluted.

The origin on the deviation from ideal mixing is understood from KBIs, which can help
determine whether the non-ideality is enthalpic and whether the mixing rule is accurate. Such
a comparison shows that the regular solution ignores the two major contributions to the KBIs:
the excluded volume effect and the potential of mean force nature of interactions in the solution

phase.

The rigorous statistical thermodynamic approach is admittedly incapable of predicting
solubility at the present stage. However, it has provided a molecular-based interpretation of
key experiments free from the historical clutter of the regular solution theory. We believe such
a clarification is crucial in overcoming the current limitations and inaccuracies of the solubility

parameters [1,4].

Appendix A

Here we outline the derivation of Eq. (3) with the emphasis on the basic assumptions introduced

therein.
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Consider a solid solute (iodine) in equilibrium with the solvent. According to Hildebrand,
the entropy of solution of a solid, AS, = S, — S5, where S, and S5 express the molar entropies

of the solute in solution and in solid, respectively, can be expressed through the chain rule as

[1,2]
2= aT Px, - dlnx, PT oT AGo,P

(A1)

where AG, = G, — G is the change of partial molar Gibbs free energy between the solution
phase and the solid phase. Assuming that the solid phase remains unchanged regardless of x,

the first factor in the r.h.s. of Eq. (A1) [1,2]
dAG, _ dlna,
(a In xz)P’T = RT (a In xz)P’T (A2)
can be evaluated only in terms of the solution phase activity. Combining Eqs. (A1) and (A2)

yields the entropy of solution at saturation [1,2]
5 6lna2) (6lnx2) _ (alnaz) (alnxz)
AS; = RT (6 Inxz/pp\ 0T JpG,p =R 0lnxz/pp \OInT Jgatp

(A3)

For dilute solution, for which the dilute ideal solution is applicable,
dlna, _
(6 lan)P,T =1

(A4)

which is satisfied very well by the majority of solvents studied by Shinoda and Hildebrand

[1,23-29]. Combination of Egs. (A3) and (A4) yields Eq. (3).

Appendix B
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Here we show that solute-to-solvent size ratio may contribute significantly to the entropic or
enthalpic nature of w. To do so, let us calculate the Margules-Norrish A parameter (Eq. (19))
using the effective radii r; and r, for the solvent and solute, respectively, which leads to the
following estimation of the KBI:
Gij = —3m(ri + )’
(BI)

Using V¥ ~ —G33 in conjunction with Egs. (20) and (B2), we obtain

A= _ @ren) 26 1 [1 + C_i)?' —(1+ :—i)B] = —g(:—i +1) (:—j - )Z(BZ)

2(2rq)3 2

According to Eq. (B2), Margules-Norrish A parameter depends on solute-to-solvent size
ratio r,/r; much more weakly for small r,/r; than larger r,/r; , as shown in Figure 4.
Assuming that the radii are not temperature dependent or only weakly so, the entropic

contribution to Margules-Norrish A is small for small r, /7, and large for large r, /1.
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Figure 4. Dependence on the solute-solvent size ratio, :—2, of the excluded volume contribution
1

to the Margules-Norrish A parameter (Eq. (B2)).

Acknowledgements

We are grateful to Charles Hansen, Steven Abbott, Hiroshi Yamamoto, and James Sherwood
for discussion. SS thanks the Gen Foundation for travel fund. NM acknowledges support from
the Grants-in-Aid for Scientific Research (Nos. JP15K13550, and JP26240045) from the Japan
Society for the Promotion of Science, and the Elements Strategy Initiative for Catalysts and
Batteries and the Post-K Supercomputing Project from the Ministry of Education, Culture,

Sports, Science, and Technology.

References

[1]  J.H. Hildebrand, R.L. Scott, Regular solutions, Prentice Hall, Englewood Cliffs, NJ,
1962.

[2] J.H. Hildebrand, J.M. Prausnitz, R.L. Scott, Regular and related solutions, Van
Nostrand Reinhold Co., New York, 1970.

[3] C.M. Hansen, The Three Dimensional Solubility Parameter and Solvent Diffusion
Coefficient, Danish Technical Press, Copenhagen, 1967.

[4] C.M. Hansen, Hansen solubility parameters : a user’s handbook, CRC Press, Boca
Raton, FL, 2007.

[5] A. Benazzouz, L. Moity, C. Pierlot, M. Sergent, V. Molinier, J.M. Aubry, Selection of
a greener set of solvents evenly spread in the hansen space by space-filling design, Ind.
Eng. Chem. Res. 52 (2013) 16585-16597. doi:10.1021/ie402410w.

[6] A. Benazzouz, L. Moity, C. Pierlot, V. Molinier, J.M. Aubry, Hansen approach versus

COSMO-RS for predicting the solubility of an organic UV filter in cosmetic solvents,

26



520

521

522

523

524

525

526

527

528

529

530

531

532

533

534

535

536

537

538

539

540

541

542

543

544

[7]

[8]

[9]

[10]

[11]

[12]

27

Colloids Surfaces A. 458 (2014) 101-109. doi:10.1016/j.colsurfa.2014.03.065.

L. Moity, A. Benazzouz, V. Molinier, V. Nardello-Rataj, M.K. Elmkaddem, P. de
Caro, S. Thiébaud-Roux, V. Gerbaud, P. Marion, J.-M. Aubry, Glycerol acetals and
ketals as bio-based solvents: positioning in Hansen and COSMO-RS spaces, volatility
and stability towards hydrolysis and autoxidation, Green Chem. 17 (2015) 1779-1792.
doi:10.1039/C4GC02377C.

Y. Hernandez, M. Lotya, D. Rickard, S.D. Bergin, J.N. Coleman, Measurement of
Multicomponent Solubility Parameters for Graphene Facilitates Solvent Discovery,
Langmuir. 26 (2010) 3208-3213. doi:10.1021/1a903188a.

S. Jin, F. Byrne, C.R. McElroy, J. Sherwood, J. Clark, A.J. Hunt, Challenges in the
development of bio-based solvents: a case study on methyl (2,2-dimethyl-1,3-
dioxolan-4-yl) methyl carbonate as an alternative aprotic solvent, Faraday Discuss.
(2017). doi:10.1039/C7FDO00049A.

I. Burgués-Ceballos, F. Machui, J. Min, T. Ameri, M.M. Voigt, Y.N. Luponosov, S.A.
Ponomarenko, P.D. Lacharmoise, M. Campoy-Quiles, C.J. Brabec, Solubility Based
Identification of Green Solvents for Small Molecule Organic Solar Cells, Adv. Funct.
Mater. 24 (2014) 1449-1457. doi:10.1002/adfm.201301509.

H.J. Salavagione, J. Sherwood, M. De bruyn, V.L. Budarin, G.J. Ellis, J.H. Clark, P.S.
Shuttleworth, M. Lotya, O.M. Istrate, P. King, T. Higgins, S. Barwich, P. May, P.
Puczkarski, I. Ahmed, M. Moebius, H. Pettersson, E. Long, J. Coelho, S.E. O’Brien,
Identification of high performance solvents for the sustainable processing of graphene,
Green Chem. 13 (2017) 624—630. doi:10.1039/C7GC00112F.

A. Alves Costa Pacheco, J. Sherwood, A. Zhenova, C.R. McElroy, A.J. Hunt, H.L.
Parker, T.J. Farmer, A. Constantinou, M. De Bruyn, A.C. Whitwood, W. Raverty, J.H.

Clark, Intelligent Approach to Solvent Substitution: The Identification of a New Class



545

546

547

548

549

550

551

552

553

554

555

556

557

558

559

560

561

562

563

564

565

566

567

568

569

[13]

[14]

[15]

[16]

[17]

[18]

[19]

[20]

[21]

[22]

[23]

[24]

[25]

[26]

28

of Levoglucosenone Derivatives, ChemSusChem. 9 (2016) 3503-3512.
doi:10.1002/cssc.201600795.

B. Widom, Some Topics in the Theory of Fluids, J. Chem. Phys. 39 (1963) 2808—
2812. doi:10.1063/1.1734110.

A. Ben-Naim, Standard thermodynamics of transfer. Uses and misuses, J. Phys. Chem.
82 (1978) 792—-803. doi:10.1021/j100496a008.

A. Ben-Naim, Molecular theory of solutions, Oxford University Press, Oxford, 2006.
R.W. Gurney, lonic processes in solution, McGraw-Hill, New York, 1953.

I. Prigogine, R. Defay, Chemical Thermodynamics, Longmans, London, 1954.

E.A. Guggenheim, Mixtures, Clarendon Press, Oxford, 1952.

G. Lewis, M. Randall, K.S. Pitzer, L. Brewer, Thermodynamics. 2nd edition., McGraw
Hill, New York N.Y., 1961.

P.J. Flory, Thermodynamics of High Polymer Solutions, J. Chem. Phys. 10 (1942) 51—
61. doi:10.1063/1.1723621.

P.J. Flory, Principles of polymer chemistry., Cornell University Press, Ithaca, 1953.
M.L. Huggins, Solutions of Long Chain Compounds, J. Chem. Phys. 9 (1941) 440—
440. doi:10.1063/1.1750930.

K. Shinoda, Principles of solution and solubility, Marcel Dekker, New York, 1978.
J.H. Hildebrand, D.N. Glew, The Entropy of Solution of Iodine., J. Phys. Chem. 60
(1956) 618—620. doi:10.1021/j1505392a028.

K. Shinoda, J.H. Hildebrand, The solubility and entropy of solution of iodine in
octamethylcyclotetrasiloxane and tetraethoxysilane, J. Phys. Chem. 61 (1957) 7809.

K. Shinoda, J.H. Hildebrand, The solubility and entropy of solution of iodiune in n-
C7F16, c-C6F11CF3, (C3F7COOCH2)4C, c-C4CI2F6, CCI2FCCIF2, and CHB13, J.

Phys. Chem. 62 (1957) 292294



570

571

572

573

574

575

576

577

578

579

580

581

582

583

584

585

586

587

588

589

590

591

592

593

594

[27]

[28]

[29]

[30]

[31]

[32]

[33]

[34]

[35]

29

K. Shinoda, J.H. Hildebrand, Partial molal volumes of iodine in various complexing
and non-complexing solvents, J. Phys. Chem. 62 (1958) 295-296.
doi:10.1021/j150561a010.

K. Shinoda, J.H. Hildebrand, Compressibilities and isochores of (C3F7COOCH2) 4C,
c-Si404 (CH3) 8, n-C5H12, n-C8H18, 2, 2, 4-C5H9 (CH3) 3, ¢c-C5H10, c-C6H12, c-
C6H11CH3, C6H5CH3, p-, J. Phys. Chem. 65 (1961) 183—183.
doi:10.1021/7100819a507.

K. Shinoda, J.H. Hildebrand, Irregular solutions of iodine, J. Phys. Chem. 69 (1965)
605-608. doi:10.1021/j100886a041.

J.H. Hildebrand, The Entropy of Solution of Molecules of Different Size, J. Chem.
Phys. 15 (1947) 225-228. doi:10.1063/1.1746484.

K. Sharp, A. Nicholls, R. Fine, B. Honig, Reconciling the magnitude of the
microscopic and macroscopic hydrophobic effects, Science (80-. ). 252 (1991) 106—
109. doi:10.1126/science.2011744.

K.A. Sharp, A. Nicholls, R. Friedman, B. Honig, Extracting Hydrophobic Free
Energies from Experimental Data: Relationship to Protein Folding and Theoretical
Models, Biochemistry. 30 (1991) 9686-9697. doi:10.1021/bi00104a017.

A. Holtzer, The use of flory-huggins theory in interpreting partitioning of solutes
between organic liquids and water, Biopolymers. 32 (1992) 711-715.
doi:10.1002/bip.360320611.

A. Ben-Naim, R.M. Mazo, Size dependence of the solvation free energies of large
solutes, J. Phys. Chem. 97 (1993) 10829-10834. doi:10.1021/;1001432a050.

D. Sitkoff, K.A. Sharp, B. Honig, Correlating solvation free energies and surface
tensions of hydrocarbon solutes, Biophys. Chem. 51 (1994) 397-409.

doi:10.1016/0301-4622(94)00062-X.



595

596

597

598

599

600

601

602

603

604

605

606

607

608

609

610

611

612

613

614

615

616

617

618

619

[36]

[37]

[38]

[39]

[40]

[41]

[42]

[43]

[44]

[45]

30

H.S. Chan, K.A. Dill, Solvation: Effects of molecular size and shape, J. Chem. Phys.
101 (1994) 7007-7026. doi:10.1063/1.468327.

A.E. Krukowski, H.S. Chan, K.A. Dill, An exact lattice model of complex solutions:
Chemical potentials depend on solute and solvent shape, J. Chem. Phys. 103 (1995)
10675-10688. doi:10.1063/1.469854.

S.K. Kumar, I. Szleifer, K. Sharp, P.J. Rossky, R. Friedman, B. Honig, Size
Dependence of Transfer Free Energies. 1. A Flory-Huggins Approach, J. Phys. Chem.
99 (1995) 8382—-8391. doi:10.1021/j100020a076.

A. Holtzer, The cratic correction and related fallacies, Biopolymers. 35 (1995) 595—
602. doi:10.1002/bip.360350605.

J. Sanchez-Ruiz, Molecular-size corrections to the strength of the hydrophobic effect:
a critical review, Eur. Biophys. J. 24 (1996) 261-274. do1:10.1007/BF00205107.
K.A. Sharp, S. Kumar, P.J. Rossky, R.A. Friedman, B. Honig, Size Dependence of
Transfer Free Energies. 2. Hard Sphere Models, J. Phys. Chem. 100 (1996) 14166—
14177. doi:10.1021/jp960668t.

A. Ben-Naim, R. Mazo, Size Dependence of Solvation Gibbs Energies: A Critique
and a Rebuttal of Some Recent Publications, 101 (1997) 11221-11225.
doi:10.1021/JP970257S.

A. Ben-Naim, R. Lovett, Solvation Free Energy of a Hard Sphere Solute in a Square
Well Solvent as a Function of Solute Size, J. Phys. Chem. B. 101 (1997) 10535—
10541. doi:10.1021/jp96281 10.

H.S. Chan, K.A. Dill, Solvation: How to obtain microscopic energies from partitioning
and solvation experiments, Annu. Rev. Biophys. Biomol. Struct. 26 (1997) 425-459.
doi:10.1146/annurev.biophys.26.1.425.

S. Shimizu, M. Ikeguchi, K. Shimizu, Extracting contact free energy from solubility:



620 excluded volume effects of polymers in continuum space, Chem. Phys. Lett. 268

621 (1997) 93-100. doi:10.1016/S0009-2614(97)00165-6.

622  [46] S. Shimizu, M. Ikeguchi, K. Shimizu, An off-lattice theory of solvation: Extension of
623 the Flory y parameter into continuum space, Chem. Phys. Lett. 282 (1998) 79-90.
624 doi:10.1016/S0009-2614(97)01147-0.

625 [47] S. Shimizu, M. Ikeguchi, S. Nakamura, K. Shimizu, Molecular volume, surface area,

626 and curvature dependence of the configurational entropy change upon solvation:
627 Effects of molecular bonding, Chem. Phys. Lett. 284 (1998) 235-246.
628 doi:10.1016/S0009-2614(97)01381-X.

629  [48] S. Shimizu, M. Ikeguchi, S. Nakamura, K. Shimizu, Size dependence of transfer free
630 energies: A hard-sphere-chain- based formalism, J. Chem. Phys. 110 (1999) 2971—
631 2982. doi:10.1063/1.477940.

632 [49] R. Brem, H.S. Chan, K. A. Dill, Extracting microscopic energies from oil-phase

633 solvation experiments, J. Phys. Chem. B. 104 (2000) 7471-7482.

634 doi:10.1021/jp0003297.

635 [50] F.D. Evans, R. Battino, The solubility of gases in liquids 3. The solubilities of gases in
636 hexafluorobenzene and in benzene, J. Chem. Thermodyn. 3 (1971) 753-760.

637 doi:10.1016/S0021-9614(71)80003-4.

638 [51] S.A. Gallardo, J.M. Melendo, J.S. Urieta, C.G. Losa, Solubility of non-polar gases in
639 cyclohexanone between 273.15 and 303.15 K at 101.32kPa partial pressure of gas,
640 Can. J. Chem. 65 (1986) 2198-2202. doi:10.1139/v87-368.

641  [52] . Pardo, M.C. Lopez, F.M. Royo, J.S. Urieta, Solubility of gases in butanols. I.

642 Solubilities of nonpolar gases in 1-butanol from 263.15 to 303.15 K at 101.33 kPa
643 partial pressure of gas., Fluid Phase Equilib. 109 (1995) 29-37. doi:10.1016/0378-
644 3812(95)02712-N.

31



645

646

647

648

649

650

651

652

653

654

655

656

657

658

659

660

661

662

663

664

665

666

667

668

669

[53]

[54]

[55]

[56]

[57]

[58]

[59]

[60]

[61]

[62]

32

J.G. Kirkwood, F.P. Buff, The statistical mechanical theory of solutions, J. Chem.
Phys. 19 (1951) 774-777. doi:10.1063/1.1748352.

D.G. Hall, Kirkwood-Buff theory of solutions. An alternative derivation of part of it
and some applications, Trans. Faraday Soc. 67 (1971) 2516-2524.
doi:10.1039/TF9716702516.

A. Ben-Naim, Inversion of the Kirkwood—Buff theory of solutions: Application to the
water—ethanol system, J. Chem. Phys. 67 (1977) 4884-4890. do1:10.1063/1.434669.
E. Matteoli, L. Lepori, Solute—solute interactions in water. II. An analysis through the
Kirkwood-Buff integrals for 14 organic solutes, J. Chem. Phys. 80 (1984) 2856-2863.
doi:10.1063/1.447034.

S. Shimizu, Estimating hydration changes upon biomolecular reactions from osmotic
stress, high pressure, and preferential hydration experiments., Proc. Natl. Acad. Sci. U.
S. A. 101 (2004) 1195-1199. doi:10.1073/pnas.0305836101.

S. Shimizu, C.L. Boon, The Kirkwood-Buff theory and the effect of cosolvents on
biochemical reactions, J. Chem. Phys. 121 (2004) 9147-9155. doi:10.1063/1.1806402.
S. Shimizu, W.M. McLaren, N. Matubayasi, The Hofmeister series and protein-salt
interactions, J. Chem. Phys. 124 (2006) 234905. doi:10.1063/1.2206174.

S. Shimizu, N. Matubayasi, Preferential hydration of proteins: A Kirkwood-Buff
approach, Chem. Phys. Lett. 420 (2006) 518-522. doi:10.1016/j.cplett.2006.01.034.
V. Pierce, M. Kang, M. Aburi, S. Weerasinghe, P.E. Smith, Recent applications of
Kirkwood—-Buff theory to biological systems, Cell Biochem. Biophys. 50 (2008) 1-22.
doi:10.1007/s12013-007-9005-0.

P.E. Smith, E. Matteoli, J.P. O’Connell, Fluctuation theory of solutions : Applications
in chemistry, chemical engineering, and biophysics, CRC Press, Boca Raton, FL,

2013.



670

671

672

673

674

675

676

677

678

679

680

681

682

683

684

685

686

687

688

689

690

691

692

693

694

[63]

[64]

[65]

[66]

[67]

[68]

[69]

[70]

[71]

33

E.A. Ploetz, P.E. Smith, Local Fluctuations in Solution: Theory and Applications.,
Adv. Chem. Phys. 153 (2013) 311-372. doi:10.1002/9781118571767.ch4.

G. Scatchard, Equilibria in non-electrolyte solutions in relation to the vapor pressures
and densities of the components, Chem. Rev. 8 (1931) 321-333.
doi:10.1021/cr60030a010.

N. Matubayasi, L.H. Reed, R.M. Levy, Thermodynamics of the Hydration Shell. 1.
Excess Energy of a Hydrophobic Solute, J. Phys. Chem. 98 (1994) 10640—10649.
doi:10.1021/7100092a040.

N. Matubayasi, R.M. Levy, Thermodynamics of the Hydration Shell. 2. Excess
Volume and Compressibility of a Hydrophobic Solute, J. Phys. Chem. 100 (1996)
2681-2688. doi:10.1021/jp951618b.

N. Matubayasi, E. Gallicchio, R.M. Levy, On the local and nonlocal components of
solvation thermodynamics and their relation to solvation shell models, J. Chem. Phys.
109 (1998) 4864—4872. doi:10.1063/1.477097.

G. Mogami, M. Suzuki, N. Matubayasi, Spatial-Decomposition Analysis of Energetics
of lonic Hydration, J. Phys. Chem. B. 120 (2016) 1813—-1821.
doi:10.1021/acs.jpcb.5b09481.

R.M. Levy, D. Cui, B.W. Zhang, N. Matubayasi, Relationship between solvation
thermodynamics from IST and DFT perspectives, J. Phys. Chem. B. 121 (2017) 3825—
3841. doi:10.1021/acs.jpcb.6b12889.

B. Moeser, D. Horinek, Unified Description of Urea Denaturation: Backbone and Side
Chains Contribute Equally in the Transfer Model, J. Phys. Chem. B. 118 (2014) 107—
114. doi:10.1021/jp409934q.

B. Moeser, D. Horinek, The role of the concentration scale in the definition of transfer

free energies, Biophys. Chem. 196 (2015) 68—76. doi:10.1016/j.bpc.2014.09.005.



695

696

697

698

699

700

701

702

703

704

705

706

707

708

709

710

711

712

713

714

715

716

717

718

719

[72]

[73]

[74]

[75]

[76]

[77]

[78]

[79]

[80]

[81]

34

G.L. Pollack, Solubility of xenon in n-alkanes : n-pentane through n- hexadecane, J.
Chem. Phys. 75 (1981) 5875-5878. doi:10.1063/1.442037.

G.L. Pollack, J.F. Himm, Solubility of xenon in liquid n-alkanes: Temperature
dependence and thermodynamic functions, J. Chem. Phys. 77 (1982) 3221-3229.
doi:10.1063/1.444197.

A. Ben-Naim, Y. Marcus, Solubility and thermodynamics of solution of xenon in
liquid n-alkanes, J. Chem. Phys. 80 (1984) 4438-4440. doi:10.1063/1.447224.

G.L. Pollack, J.F. Himm, J.J. Enyeart, Solubility of xenon in liquid n-alkanols:
Thermodynamic functions in simple polar liquids, J. Chem. Phys. 81 (1984) 3239—
3246. doi:10.1063/1.448032.

G.L. Pollack, R.P. Kennan, J.F. Himm, P.W. Carr, Solubility of xenon in 45 organic
solvents including cycloalkanes, acids, and alkanals: Experiment and theory, J. Chem.
Phys. 90 (1989) 6569—6579. doi:10.1063/1.456324.

R.P. Kennan, G.L. Pollack, Solubility of xenon in perfluoroalkanes: Temperature
dependence and thermodynamics, J. Chem. Phys. 89 (1988) 517-521.
doi:10.1063/1.455494.

H.S. Frank, M.W. Evans, Free Volume and Entropy in Condensed Systems III.
Entropy in Binary Liquid Mixtures; Partial Molal Entropy in Dilute Solutions;
Structure and Thermodynamics in Aqueous Electrolytes, J. Chem. Phys. 13 (1945)
507-532. doi:10.1063/1.1723985.

J.E. Leffler, E. Grunwald, Rates and Equilibria of Organic Reactions, Wiley, New
York, 1963.

N. Chapman, Advances in Linear Free Energy Relationships, Springer, New York,
1972.

A.J. Maneffa, R. Stenner, A.S. Matharu, J.H. Clark, N. Matubayasi, S. Shimizu, Water



720

721

722

723

724

725

726

727

728

729

730

731

732

733

734

735

736

737

738

739

740

741

742

743

744

[82]

[83]

[84]

[85]

[86]

[87]

[88]

35

activity in liquid food systems: A molecular scale interpretation, Food Chem. 237
(2017) 1133-1138. doi:10.1016/j.foodchem.2017.06.046.

S. Shimizu, H.S. Chan, Temperature dependence of hydrophobic interactions : A mean
force perspective , effects of water density , and nonadditivity of thermodynamic
signatures Temperature dependence of hydrophobic interactions : A mean force
perspective , effects of water densi, J. Chem. Phys. 113 (2000) 4683—4700.
doi:10.1063/1.1288922.

S. Shimizu, H.S. Chan, Anti-cooperativity in hydrophobic interactions: A simulation
study of spatial dependence of three-body effects and beyond, J. Chem. Phys. 115
(2001) 1414-1421. doi:10.1063/1.1379765.

S. Shimizu, H.S. Chan, Configuration-dependent heat capacity of pairwise
hydrophobic interactions, J. Am. Chem. Soc. 123 (2001) 2083—-2084.
doi:10.1021/7a0034390.

S. Shimizu, Hue Sun Chan, Statistical mechanics of solvophobic aggregation: Additive
and cooperative effects, J. Chem. Phys. 115 (2001) 3424-3431.
doi:10.1063/1.1386420.

S. Shimizu, H.S. Chan, Anti-cooperativity and cooperativity in hydrophobic
interactions: Three-body free energy landscapes and comparison with implicit-solvent
potential functions for proteins, Proteins Struct. Funct. Genet. 48 (2002) 15-30.
doi:10.1002/prot.10108.

J.J. Booth, S. Abbott, S. Shimizu, Mechanism of hydrophobic drug solubilization by
small molecule hydrotropes, J. Phys. Chem. B. 116 (2012) 14915-14921.
doi:10.1021/jp309819r.

S. Shimizu, J.J. Booth, S. Abbott, Hydrotropy: binding models vs. statistical

thermodynamics., Phys. Chem. Chem. Phys. 15 (2013) 20625-20632.



745

746

747

748

749

750

751

752

753

754

755

756

757

758

759

760

761

762

763

764

765

766

767

[89]

[90]

[91]

[92]

[93]

[94]

[95]

[96]

36

doi:10.1039/c3cp53791a.

S. Shimizu, N. Matubayasi, Gelation: The role of sugars and polyols on gelatin and
agarose, J. Phys. Chem. B. 118 (2014) 13210-13216. doi:10.1021/jp509099.

J.J. Booth, M. Omar, S. Abbott, S. Shimizu, Hydrotrope accumulation around the
drug: the driving force for solubilization and minimum hydrotrope concentration for
nicotinamide and urea, Phys Chem Chem Phys. 17 (2015) 8028-8037.
doi:10.1039/C4CP05414H.

R. Stenner, N. Matubayasi, S. Shimizu, Gelation of carrageenan: Effects of sugars and
polyols, Food Hydrocoll. 54 (2016) 284-292. do1:10.1016/j.foodhyd.2015.10.007.

S. Shimizu, R. Stenner, N. Matubayasi, Gastrophysics: Statistical thermodynamics of
biomolecular denaturation and gelation from the Kirkwood-Buff theory towards the
understanding of tofu, Food Hydrocoll. 62 (2017) 128—139.
doi:10.1016/j.foodhyd.2016.07.022.

S. Abbott, J.J. Booth, S. Shimizu, Practical molecular thermodynamics for greener
solution chemistry, Green Chem. 19 (2017) 68—75. doi:10.1039/C6GC03002E.

R.H. Perry, D.W. Green, Perry’s chemical engineers’ handbook, McGraw-Hill, New
York, 2008.

T. V. Chalikian, Volumetric Properties of Proteins, Annu. Rev. Biophys. Biomol.
Struct. 32 (2003) 207-235. doi:10.1146/annurev.biophys.32.110601.141709.

A. Barton, Solubility Parameters, Chem. Rev. 75 (1975) 731-753.

do1:10.1021/cr60298a003.



768 For ToC use only

10

(a—p)*

-10,

769

37

10



