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Dissertation research involves development of Mobile 

Order Theory thermodynamic models to mathematically describe 

and predict the solubility, spectral properties, protonation 

equilibrium constants and two-phase partitioning behavior of 

solutes dissolved in binary solvent mixtures of analytical 

importance. Information gained provide a better 

understanding of solute-solvent and solvent-solvent 

interactions at the molecular level, which will facilitate 

the development of better chemical separation methods based 

upon both gas-liquid and high-performance liquid 

chromatography, and better analysis methods based upon 

complexiometric and spectroscopic methods. Dissertation 

research emphasizes chemical equilibria in systems 

containing alcohol cosolvents with the understanding that 

knowledge gained will be transferable to more 

environmentally friendly aqueous-organic solvent mixtures. 

Thermodynamics of Mobile Order expresses equilibrium 

condition in terms of time fractions for time schedule of a 

given molecule, and not in terms of concentrations of 

various entities in the ensemble. Thus, in the case of 



alcohols one considers time fractions that a given molecule 

is free or bound, and not concentrations of various i-mers 

in ensemble. 

The second part of dissertation research involves a 

combined spectral-thermodynamic investigation of common 

acid-base pH indicators dissolved in binary solvent media. 

Spectral properties of indicators depend upon whether or not 

the molecule is protonated or unprotonated. Thermodynamic 

models and predictive equations for hydrogen-bonded 

solutions are developed and their future application for 

describing how different pH indicator's protonation 

equilibrium constant varies with solvent composition is 

discussed. 
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CHAPTER I 

INTRODUCTION 

Published analytical methods often involve 

chemical separations and/or solute partitioning between two 

immiscible phases1"10. For the method to be quantitative, 

the chemical reaction must go to completion. The 

stoichiometric relationship between the various reacting 

species and products formed must be known in order to 

calculate the analyte concentration in the unknown sample. 

Examples of such analytical methods include acid-base 

titrations, metal ion chelating ligand complexation, 

precipitation from solution through formation of insoluble 

crystalline salts, and chemical separation by distillation, 

single- or multi- stage extraction, selective precipitation, 

gas-liquid chromatography (GLC) or high-performance liquid 

chromatography (HPLC). Equilibrium constants determine the 

extent to which chemical reactions are completed when 

equilibrium is attained. The equilibrium constant thus 

determines to a large extent whether or not a given chemical 

reaction is suitable for quantitative analysis. 

The underlying factors which govern both phase and 

chemical equilibria are the intermolecular interactions 
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which occur in solution between dissolved solute(s) and 

solvent molecules11'12. Interactions in simple 

nonelectrolyte mixtures arise solely from dispersion forces, 

or nonspecific interactions13-23. The interactions in 

complex liquids arise from electrostatic forces in addition 

to dispersion forces since the molecules have a permanent 

nonuniform distribution of charge (polar liquids). The 

electrostatic interactions (primarily dipole-dipole 

interactions) lead to some degree of specific interactions 

which results in a specific geometric orientation of one 

molecule with respect to an adjacent molecule. Sometimes 

this interaction is called the orientation effect. If these 

interactions are strong enough, stable dimers or larger 

complexes may be formed and the liquid is said to be 

associated. The boundary between weakly polar liquids and 

associated liquids is, at best, nebulous and keenly debated 

in the published literature. 

Recent advances have been made in the study of 

nonelectrolyte solutions containing only nonspecific 

interactions by examining the thermodynamic properties of a 

solute dissolved in a binary solvent mixture. In the limit 

of infinite dilution, the solute molecule is completely 

surrounded by solvent molecules, and solute-solute 

interactions are negligible. Infinite dilution properties 

provide valuable information regarding solute-solvent and 

solvent-solvent interactions at the molecular level24-31. 
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The activity coefficient at infinite dilution has been shown 

to be a very effective tool in thermodynamic modeling of 

multicomponent vapor-liquid equilibria, in predicting gas-

liquid chromatographic and HPLC retention times, and in 

identifying the occurence of an azeotrope. Molecular 

interactions in complexing systems are more interesting, 

though are not as easily mathematically described. 

My dissertation research involves development of 

thermodynamic models to mathematically describe and predict 

the solubility35-44, spectral properties, protonation 

equilibrium constants and two-phase partitioning behavior of 

solutes dissolved in binary solvent mixtures of analytical 

importance. Information gained will provide a better 

understanding of solute-solvent and solvent-solvent 

interactions at the molecular level, which will facilitate 

the development of better chemical separation methods based 

upon both gas-liquid chromatography and high-performance 

liquid chromatography, and better analysis methods based 

upon complexiometric and spectroscopic methods. For 

example, binary solvents are commonly used as the stationary 

liquid phase in gas chromatography, and many practical 

liquid chromatographic procedures employ either a binary 

mobile phase or gradient elution in order to effectively 

separate chemicals of similar molecular structures in 

unknown mixtures in timely fashion. 

Specific solutes that are to be studied include the 
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common acid base indicators (whose spectral properties 

depend upon whether or not the solute is protonated or 

unprotonated) and polycyclic aromatic hydrocarbons32-34, or 

PAHs as they are commonly known. Polycyclic aromatic 

hydrocarbons are a group of carbon and hydrogen containing 

organic molecules that are persistent and widespread in the 

environment, and many of the PAHs are classified as "high 

priority" pollutants by the Environmental Protection Agency. 

Many of the polycyclic aromatic compounds have very limited 

mole fraction solubilities, and from a thermodynamic 

modeling standpoint, saturated PAH solutions are treated as 

infinitely dilute solutions. 

My dissertation research will emphasize chemical 

equilibria in systems containing alcohol cosolvents with the 

understanding that the knowledge gained will be transferable 

to the more environmentally friendly aqueous-organic solvent 

mixtures, which will contain a significant fraction of 

water. Any time that an organic solvent is used one must be 

concerned with its eventual disposal in a safe manner. 

Ideally, one would prefer a totally aqueous solvent media; 

however, this is not possible since many of the organic 

compounds commonly encountered in chemical analysis are 

hydrophobic in nature, and hence do not readily dissolve in 

water. Solubilization of organic pesticides, organic drug 

molecules and organic dyes often requires the addition of an 

organic cosolvent, such as alcohols and alkoxy-alcohols. 
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Unfortunately, there does not exist a good theoretical 

and/or thermodynamic model to describe the behavior of 

solutes dissolved in aqueous-organic solvent molecules, in 

part because of the very strong hydrogen-bonds that are 

formed between water and surrounding water or organic 

solvent molecules. Both hydrogen atoms in the water 

molecule actively participate in hydrogen-bond formation. 

Rather than starting with the more complex aqueous-

organic solvent mixtures, the much simpler binary alcohol + 

alcohol and alcohol + alkoxyalcohol solvent mixtures are 

initially studied. Here, the number of hydrogen bonds is 

significantly reduced since each monofunctional alcohol 

molecule has only a single hydrogen atom capable of 

participating in hydrogen-bond formation. Two of the 

theoretical models that are initially considered are the 

Mobile Order theory and the Kretschmer-Wiebe Model. Both 

models have been used successfully to describe the 

properties of solutes dissolved in binary alkane + alcohol 

mixtures; however, the theoretical equations need to be 

modified substantially for binary alcohol + alcohol and 

alcohol + alkoxyalcohol solvent mixtures. 

Briefly, Mobile Order theory45-72 assumes all molecular 

groups perpetually move in the liquid, and that neighbors of 

a given external atom in a molecule constantly change 

identity. All molecules of a given kind dispose of the same 

volume, equal to the total volume of the liquid divided by 
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the number molecules of the same kind. The center of this 

domain perpetually moves. Highest mobile disorder is 

achieved whenever groups visit all parts of their domain 

without preference. Preferential contacts lead to 

deviations with respect to this "random" visiting. This is 

particularly true in the case of hydrogen-bonding which 

requires that a hydroxylic hydrogen atom to follow most of 

the time the proton acceptor group of a neighboring molecule 

in its walk through the liquid, thus originating a kind of 

"mobile order". 

The thermodynamics of Mobile Order expresses the 

equilibrium condition in terms of time fractions for the 

time schedule of a given molecule, and not in terms of 

concentrations of various entities in the ensemble. Thus, 

in the case of alcohols one considers time fractions that a 

given molecule is free or bound, and not the concentrations 

of the various i-mers in the ensemble (this does not mean 

that these i-mers do not exist, but their concentrations do 

not govern the thermodynamic probability). A molecule 

bonded at one side is free from H-bonding only half of the 

time. The basic ideas for Mobile Order theory dates back to 

Einstein's work; however, it was not until recently that 

time fractions were used to describe the thermodynamic 

properties of nonelectrolyte solutions. 

The more conventional solution models, such as the 

Kretschmer-Wiebe association model73-76 assume discrete 
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hydrogen-bonded alcohol species or entities, such as dimers, 

trimers, etc. Formation of each chemical entity is 

thermodynamically described in terms of a chemical 

equilibrium constant. The more species that are assumed, 

the more equilibrium constants that one must either measure 

or estimate. 

From a thermodynamic modeling standpoint, binary 

alkoxyalcohol + alcohol mixtures are very interesting and a 

challenge to mathematically model in that the alkoxyalcohol 

may either insert into a hydrogen-bonded chain at either the 

hydroxy OH 

0-H 0-H 0-H 0-H O-H 
/ / / / / 
R R R R1 OR" R 

or oxygen ether site 

0-H 0-H 0-R"0H 
/ / / 

R R R' 

or may break at the point of insertion. Naturally any given 

alkoxyalcohol may be involved in both types of Hydrogen-bond 

formation. 

Each possibility leads to a different thermodynamic 

description. In the first case the alkoxyalcohol can be 

treated simply as a "pseudo" monofunctional alcohol, 

pretending that the "ether" linkage does not exist. If 

significant disruption occurs, then the solvent hydrogen-

bonded network is weakened, and it will not require as much 

energy to dissolve the solute molecule. Insertion and chain 
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disruption are quintessally different, in that the former 

results in lower solute solubilities, whereas greater 

solubilization should be observed in the latter case. This 

part of my dissertation has resulted in thirteen pertinent 

published papers in referred journals77-89. Published 

papers report pyrene solubility data in 50 binary alcohol + 

alcohol solvent mixtures and anthracene solubility data in 

42 binary alcohol + alkoxyalcohol and six binary 

alkoxyalcohol + alkoxyalcohol solvent mixtures. Prior to 

this work, only a limited solubility data base existed for 

crystalline nonelectrolyte solubility in binary solvent 

mixtures containing alcohol cosolvents. None of the systems 

included a multi-functional alcohol molecule. Continued 

development of thermodynamic models for describing 

nonelectrolyte solutions requires that a large data base be 

available for assessing the applications and limitations of 

derived expressions. 

Solubility data for a number of polycyclic aromatic 

hydrocarbons (i.e., anthracene and pyrene) and hetero-atom 

polynuclear aromatics (i.e., carbazole, dibenzothiophene and 

xanthene) have been published in the recent chemical 

literature32-34) . Despite efforts by experimentalists and 

scientific organizations, both in terms of new experimental 

measurements and critically evaluated data compilations, 

there still exist numerous systems for which solubility data 

are not readily available. This is particularly true for 
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systems which contain hydrogen bonding. 

As stated previously, solute-solute interactions are 

negligible in the limit of infinite dilutions. There are 

several experimental methods available for measuring 

infinite dilution activity coefficients. The solubility 

method was selected because it is possible to determine very 

accurately the concentrations of polycyclic aromatic 

hydrocarbons in saturated solutions spectroscopically. In 

the case of anthracene and pyrene, measured absorbances of 

the diluted solutions fall in the linear reigions of the 

Beer-Lambert absorbance versus concentration curve10'90"92. 

Concentrations of the larger, less soluble polycyclic 

aromatic hydrocarbons can be determined by 

spectrofluorometric methods. Gas-liquid and high 

performance liquid chromatography (HPLC) can be used to 

analyze solutions in which the solute does not absorb 

appreciable quantities of light, i.e. in which 

concentrations are too dilute for conventional 

spectrophotometric analysis. 

Infinite dilution activity coefficients can also be 

experimentally determined by measuring the time that it 

takes for the solute to elute from a chromatographic column. 

The activity coefficient is 
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Yi° = RT Vg /F0(ti. - t„) Vmolar Pi
0 = RT Wg /F0(ti - t_> Ms Pj

0 

Equation 1.1 

inversely proportional to the adjusted retention time, which 

is defined as the retention time minus the "dead" time (time 

that it takes for an unretained solute to travel through the 

column). In equation 1.1 ws is the weight of the solvent in 

the chromatographic column, Ms its' molecular weight, F0 is 

the flow rate of the carrier gas and t£ - tm the net 

retention time per gram of solvent. The binary solvent 

mixture serves as the stationary and mobile phase in gas-

liquid chromatography (GLC) and high-performance liquid 

chromatography, respectively. 

Chromatographic systems are often not as well defined 

as those used for solubility determinations,, For example, 

in the case of gas-liquid chromatography, solvents must be 

nonvolatile in order to reduce problems associated with 

"column bleeding". Mixed retention mechanisms (adsorption 

versus partitioning) complicate the determination of 

activity coefficients by HPLC, and there is some ambiguity 

regarding the exact nature of the stationary phase, 

particularly in the case of the binary (or higher-order) 

solvent mobile phases. Mobile phase solvents can 

preferentially "dissolve" into the stationary phase. There 

are also problems/uncertainties in accurately measuring flow 
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rates and dead times (void volumes). Peak tailing overload 

leads to greater uncertainities in measured solute retention 

times. 

The second part of the dissertation research involves a 

combined spectra1-thermodynamic investigation of common 

acid-base pH indicators dissolved in binary solvent 

media10'93. The spectral properties of the indicators 

depend upon whether or not the molecule is protonated or 

unprotonated. The rationale for performing the study is 

quite simple, in water the useable pH range is from pH = 0 

to pH = 14. It is impossible to titrate weak acids and 

bases with ionization (dissociation) constants of less than 

10~10 accurately in aqueous solutions because the pH versus 

mL of titrant curve does not exhibit a sharp break near the 

equivalence point. This is not the case however, in neat 

organic solvents and binary organic solvent mixtures. 

Organic solvents, such as ethanol, methanol and 

acetonitrile, typically have a much smaller autoprotolysis 

constant (self-ionization constant). As a result, the pH 

range in non-aqueous solvents can be extended to pH = 0 to 

pH = 25 (or larger), thus allowing quantitative 

determination of many of the much weaker acids and bases 

that could not be titrated in a totally aqueous solvent 

media93. Moreover, the use of organic solvents overcomes 

solubility problems that are encountered in dissolving large 

hydrophobic organic molecules in water. 
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Unfortunately, pH indicators have not been well 

characterized in organic solvents and binary solvent 

mixtures®^'®®. Tabulated spectral color-transition pH 

information is for the most part limited to aqueous solvent 

media. My dissertation will rectify this omission in that 

color transitions will be determined as a function of 

solution pH for a number of pH indicators, organic solvents 

and binary solvent mixtures at different solvent mixture 

compositions. In addition, thermodynamic models and 

predictive equations for hydrogen-bonded solutions will be 

developed that can later be used to describe how the 

different pH indicator's protonation equilibrium constant 

varies with solvent composition. I expect from my 7 years 

of experience as a Water Pollution Control Chemist that 

there will be many ramifications of applicability of my 

research to "real world" situations. 
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CHAPTER II 

REVIEW OF THE LITERATURE 

A. Ideal and Nonideal Solutions 

Historically, Raoult1 proposed the first, simplest 

theory of solutions when he set the partial pressure, PL, 

of each component in a mixture equal to 

Pi = xL P^ 

Asmix = - R s Xi In Xi 

Equation 2.1 

Equation 2.2 

the product of the liquid phase mole fraction compositions, 

X±, times the vapor pressure of the pure component, Pi', 

measured at the solution temperature. Nonelectrolyte 

solutions are rarely ideal, however, activity coefficients, 

Yir are introduced into the partial pressure expression 

Pi = ^ y. Pi-

Equation 2 . 3 
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AGex = RT S Xj In Yi 

Equation 2.4 

in order to permit the thermodynamic treatment of 

nonelectrolyte solutions. 

In an extensive survey and discussions of the functions 

A^x, Al^x and Al^x for binary mixtures by Rowlinson2-3 

numerous examples are cited showing that deviations from 

ideality of mixtures of simple liquids depend primarily on 

the differences in nonspecific interactions having positive, 

i.e. endothermic enthalpies of mixing. Conversely, mixtures 

of molecules that typically differ greatly in size but only 

slightly in dispersion forces exhibit negative deviations 

from Raoult's law. These mixtures have positive entropies 

of mixing, i.e. Al^x > 0. Consequently, it is possible to 

distinguish between two types of simple mixtures with the 

transition between the two types being continuous. The 

dominant factor for mixtures of similar size molecules is 

the enthalpy of mixing increasing as the relative size of 

the molecules increases. Concomitantly, the value of A^ x 

increases gradually compensating for the enthalpic effect. 

When a polar liquid is diluted with a nonpolar (inert) 

component, a part of the electrostatic interactions is lost, 

so this is an endothermic process, i.e. AH®X > 0. Various 

effects can occur when two polar liquids are mixed. The 

enthalpy of mixing will be negative if the interactions 
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between unlike molecules (A-B) are stronger than those 

acting between like molecules (A-A and B-B). Conversely, 

the enthalpy of mixing will be positive if the interactions 

between unlike molecules are weaker. Indeed, nonspecific 

interactions may be the dominating force. In mixtures of 

homologs such as 1-butanol and 1-pentanol, the A-B 

interactions are comparable to the A-A and the B-B 

interactions. 

Flory4"5 and Huggins6"8 independently derived an 

expression for the entropy of mixing of polymer solutions, 

i.e. Al^x * o in an athermal solution using the concept of a 

crystalline lattice as a model for the liquid state. The 

authors assumed that the dissolved polymer molecule behaves 

like a chain with a large number of equal sized segments 

which are identical in size to the solvent molecule. Each 

segment occupied a single site in the crystalline lattice 

with adjacent segments occupying adjacent sites. 

A remarkably simple expression for the change in Gibbs 

energy and entropy upon mixing was formulated by Flory and 

Huggins when an amorphous polymer mix without synergistic 

effects 

A G A B m i x = - T ASAB
mix = RT [XA In <fiA + XB In 0B] 

Equation 2.5 

where 0A and are the volume fraction of the solvent and 
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the polymer, respectively. As a consequence, for an 

athermal solution of components whose molecules differ in 

size, the Flory-Huggins solution model predicts negative 

deviations from Raoult's law. 

In order to apply the theoretical result of Flory and 

Huggins to real polymer solutions it is necessary to add a 

semi-empirical term for the enthalpy of mixing. The excess 

enthalpy was assumed to be proportional to the volume of the 

solution and the product of the volume fractions. 

Consequently, equation 2.5 extends to 

AGAB
mix = - T A S A B

M I X = RT[X a In <pA + X B In 0 B + 0 A 0 B (X A+X Bm) X] 

Equation 2.6 

where x is the interaction parameter, determined by 

intermolecular forces between the molecules (pairs of 

polymer segments, pairs of solvent molecules and between one 

polymer segment and one solvent molecule) in solution and m 

is set equal to the ratio of the molar volumes. For 

athermal solutions, % is zero and small for mixtures of 

components which are chemically similar. 

The Huyskens and Haulait-Pirson35 definition of 

solution ideality is 

Asmix = - 0.5 R HXL In - 0.5 R Z,X± In <pL 

Equation 2.7 
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mathematically a simple arithmetic average of the entropy of 

mixing based upon Raoult's law and the Flory-Huggins 

configurational entropic model. The authors rationalized 

equation 2.7 by stating that in the case of liquids, the 

entropy of mixing should be hybrid between that of a crystal 

and that of a gas. Nominal exchanges of molecules are ruled 

by the mole fractions, and the enlargements of the 

motional domains by the volume fractions, 0£. 

B. Solid-Liquid Equilibria 

Solubility depends to a large extent on the relative 

strengths of intermolecular forces between the dissolved 

solute and surrounding solvent molecules. The well-known 

guide similis similibus solvuntur35-37 (like dissolves like) 

serves merely as an empirical statement of the fact that, in 

the absence of specific interactions, intermolecular forces 

between chemically similar species result in a smaller 

endothermic enthalpy of solution than those between 

dissimilar molecules. Since solute dissolution must be 

accompanied by a decrease in the Gibbs energy, a low 

endothermic enthalpy is preferable to a large one. However, 

intermolecular forces between the solute and solvent are not 

the only consideration in the determination of the 

solubility of a solid. 

The solubility of a solid substance3® may be considered 

to arise from three, and in some cases four, contributions: 
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(a) The breaking of solute-solute interactions in the 

crystalline lattice; 

(b) the breaking of solvent-solvent interactions, often 

referred to as cavity formation; 

(c) the formation of solute-solvent interactions; and 

(d) the perturbation of solvent-solvent interactions in the 

immediate vicinity of the solute, as in solvent 

structuring. 

Each of these four contributions may be further divided 

into specific chemical (complexation) and nonspecific 

physical (simple dispersion) interactions, as discussed in 

the preceeding section. Specific interactions are 

characterized by a specific geometric orientation of one 

molecule with respect to an adjacent molecule and arise from 

charge-transfer species, strong dipole-dipole interactions 

and hydrogen bond formation. Whereas, non-specific 

interactions are best described as a random distribution of 

molecules throughout the entire solution. Specific 

interactions occur in complexing systems whilst non-specific 

interactions occur in both non-complexing and complexing 

systems. Systems containing specific or non-specific 

interactions deviate from ideality. Large negative (y < 1) 

or large positive deviations (y > l) usually accompany 

specific interactions, whereas systems containing only 

nonspecific interactions usually exhibit small to moderate 

positive deviations from ideality. Hence, solubility tends 
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to be enhanced for negative deviations and decreased for 

positive deviations. 

The all encompassing thermodynamic criterion35"47 

governing solute solubility (component A) and solid-liquid 

equilibrium is 

A A ~ A A 

Equation 2.8 

that the activity of the solute must be the same in both 

phases or 

A A = YA X A A A ° 

Equation 2.9 

where * is the pure solid, xA is the mole fraction 

solubility of the solute in the solvent, yA is the liquid-

phase activity coefficient and aA° is the standard state 

activity to which yA refers. Selection of the standard 

state aA° is arbitrary, the only thermodynamic requirement 

being that it must be at the same temperature as the 

saturated solution. For thermodynamic modeling of 

nonelectrolyte solutions, it is advantageous to define the 

standard state activity as the activity of the pure 

supercooled liquid, aA (1), at the solution's temperature 

and some specified pressure. Although this is a 
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hypothetical standard state, it is one whose properties can 

be calculated with reasonable accuracy provided that the 

solution's temperature is not too far removed from the 

triple point (melting point) temperature of the solute, TMP. 

Readers should note that the standard state for the 

solute differs from the normal thermodynamic convention used 

for the electrolyte salts. In the case of the electrolyte 

salts, the activity of the solid is generally taken as 

unity. For nonelectrolyte solutes, the standard state is 

the subnormal liquid. Adoption of the subcooled liquid as 

the solute standard state facilitates thermodynamic 

modelling in that most published solution models were 

developed originally for the mixing of two or more liquids. 

Here, the change in entropy can conveniently be discussed in 

terms of the number of possible ways of arranging the 

various molecules on a fixed lattice cell. Molecules in the 

neat liquids and on the lattice cell would have 

approximately the same degree of mobility. This is not the 

case for a solid where the molecules are more rigidly fixed 

in space. 

Thermodynamic properties are state functions and are so 

chosen so that they depend only on initial and final states 

of the solution. Thermodynamic properties are independent 

of the path whereby the solution arrives at these states. 

The standard state activity of a solid solute is computed 

from the following three-step Hess* s Law thermodynamic 



30 

cycle: 

Step I: Solute A (solid, T) -» Solute A (solid, TMP) 

Step II: Solute A (solid, rMP) -» Solute A (liquid, T^p) 

Step III: Solute A (liquid, rMP) -> Solute A (supercooled 

liquid, T) 

with the overall process being 

Solute A (solid, T) -> Solute A (supercooled 

liquid, T) 

and 

AG = RT In aA
solid = AGx + AGX1 + AGT1I 

Equation 2.10 

Assuming that the difference in heat capacities between the 

solid and supercooled liquid remains constant over the 

temperature range from T to rMP, the following expression is 

obtained 

In aA
solid = in (yAXA) = - AH

fus (TMp - T) / (R T TMP) 

+ ACp (rMP -T) /RT - (ACp/J?) In (Tmp/T) 

Equation 2.11 

for the solubility of a crystalline solute in a liquid 

solvent. The expression for aA(s) must include additional 

term(s) if the solid undergoes a phase transition. 

Two very useful conclusions regarding the solubility of 
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solids in liquids are furnished by equation 2.11 even though 

these conclusions rigorously apply to ideal solutions (yĵ  = 

1), they serve as useful guidelines for other solutions that 

do not deviate excessively from ideal behavior. 

(a) For a given solid-solvent system, the solubility 

increases with increasing temperature. The rate of 

increase is approximately proportional to the enthalpy 

of fusion and, to a first approximation, does not 

depend upon the melting point temperature, 

i.e., 3In (yAXA)/3T « AH
fus/R T2 

(b) For a given solvent and at a fixed temperature, if two 

solids have a similar entropy of fusion then the solid 

with the lower melting temperature has the higher 

solubility. Similarly, if two solids have about the 

same melting temperature then the one with the lower 

enthalpy of fusion has the higher solubility. 

A classic illustration, of a difference in solubility 

arising from solute-solute interactions in the crystalline 

lattice involves the solubilities of the two isomers 

phenanthrene and anthracene37. The mole fraction solubility 

of phenanthrene in benzene at 298 K (XA = 0.2068) is 

approximately 25 times greater than that of anthracene (XA = 

0.0074), even though both solutes are chemically similar to 

each other. An explanation for this difference in 

solubility results from recalling that the solubility 

depends not only upon the activity coefficient of the solute 
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(which reflects the intermolecular forces between the solute 

and solvent and between solute molecules), but also depends 

upon the fugacity of the standard state to which the 

activity coefficient refers and on the fugacity of the pure 

solid; a fact that is too often overlooked. Concomitantly, 

the triple point temperatures of the two solids, 

phenanthrene and anthracene, are significantly different 

because of structural differences and as a result, the pure 

component fugacity ratios at the same temperature T also 

differ for the two solutes. 

Similarly, benz[a]anthracene and naphthacene have an 

approximate 25-fold difference in aqueous mole fraction 

solubility, i.e. 9.40 * 10"10 versus 3.70 * 10~10 along with 

a vastly different melting points, 182.0°C versus 357.0°C 

respectively. The two benzopyrene isomers, benzo[a]pyrene 

and benzo[e]pyrene37, on the other hand have roughly the 

same aqueous solubility of 2.83 * 10"10 and 3.42 * 10"11 and 

melting temperatures of 177.0°C and 176.5°C, respectively. 

In the preceeding discussions Raoult's law is used to 

define the thermodynamic properties of an ideal solution. 

For very high molecular weight solvent systems, equation 

2.11 (with YA = *•) grossly underestimates solute 

solubilities. Hardly surprising since the Flory-Huggins5"8 

model 
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Equation 2.12 

In aA = In 0A + 0B (1 - VA/VB) 

Equation 2.13 

provides a more realistic description of solution ideality 

in polymer solutions. The corresponding expression for 

solubility is given by 

In <pA + (1 - 0A) (l - VA/VB) = - AH
fuB (TTP - T) /RT rTP 

+ ACP (rTP - T)/RT - (ACP/R) In (Ttp/T) 

Equation 2.14 

Chiou and Manes47 compared experimental solubilities of 11 

crystalline nonpolar polycyclic aromatic compounds and their 

derivatives in glycerol trioleate (Vms = 966 cm
3 mol""1) to 

predictions based upon equations 2.11 and 2.14. In their 

calculations, they revealed that the observed mole fraction 

solubilities are considerably higher than the predictions of 

eqn. 2.11 (with ACp = 0); the predictions in some instances 

being low by as much as 100 percent. In comparison, the 

observed volume fraction solubilities, 0B, were comparable 

to or only slightly lower than the predictions of equation 

2.14 (again with ACp = 0) . The magnitude of the deviations 

from Raoult1s law is above and beyond the uncertainty of the 
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observed solubilities. Since the solubility data can be 

explained by the Flory-Huggins model and since there is no 

convincing evidence to indicate strong specific solute-

solvent interactions, the observed negative deviations from 

Raoult's law appears to be an artifact of the model caused 

by large molecular size disparity. The solubility 

measurements of Chiou and Manes47, combined with an earlier 

study on glycerol trioleate/water partition coefficients48 

suggest that the Flory-Huggins model should be considered in 

systems having molar volume ratios of 4 or more. 

C. The Scatchard-Hildebrand Model 

The predictive equations discussed thus far assume an 

ideal solution, expressed either in terms of Raoult's law 

(Equation 2.11 with y = 1) or the Flory-Huggins model 

(Equation 2.14). Nonelectrolyte solutions are rarely ideal, 

and activity coefficients must be introduced in order to 

thermodynamically describe observed solution behavior. The 

past fifty years, numerous equations have been proposed for 

predicting activity coefficients. A complete review of all 

of the the published methods would require several hundred 

pages of text in order to discuss equations derived for 

noncomplexing and complexing solutions, and the various 

group contribution methods that enable predictions based on 

the various functional groups present in the solute and 

solvent molecules. Discussion will be limited to the 
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solution models that will be later used in interpreting 

measured pyrene and anthracene solubility data in binary 

solvent mixtures containing alcohol or alkoxyalcohol 

cosolvents. 

The Scatchard-Hildebrand solubility parameter model49" 

54 provides reasonable estimates of solute solubility in 

systems containing only nonspecific interactions 

RT In <aA
s°lld/XA) = VR(1 - 0ft)

2 (fs - ^ solvent)
2 

Equation 2.15 

where Sgolvent and SA refer to the solubility parameters of 

the solvent and supercooled liquid solute, respectively, VA 

is the molar volume of the supercooled liquid solute, XA is 

the saturation mole fraction solubility, and 0A is the 

solute's volume fraction solubility calculated using 

= nAv
A/(nAVA + nBVB + ncVc + ) 

Equation 2.16 

the ideal molar volume approximation given by Equation 2.16. 

For information purposes, solubility parameters are defined 

as the square root of the cohesive energy density, c^ 

(Si1/2 = - (AUJ^P /vL )1/2 

Equation 2.17 
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where AU£Vap is the energy of complete vaporization of 

component i. Inherent in the development of the solubility 

parameter theory is the assumption that c12 = (cx c2)
1^2. 

The assumption is reasonable for molecules whose forces of 

attraction result primarily from dispersion forces. 

For solvent components, the liquid molar volumes and 

solubility parameters are often tabulated in the literature, 

Hoy55 and Barton56, and when not available, they can be 

calculated directly from density and vapor pressure 

measurements on the pure liquid. Molar volumes of 

supercooled liquid solutes, VA, on the other hand, are 

estimated either by group contribution methods or by the 

experimentally determined apparent partial molar volumes in 

the solvent of interest. Solubility parameters of the 

supercooled liquid can be obtained indirectly from 

solubility measurements or can be estimated by group 

contribution methods. 

The solubility parameter approach is extended to binary 

solvent mixtures by defining 5soivent 

ŝolvent = + ^C) / + = ^B° B̂ $0° Ĉ 

Equation 2.18 

as a volume fraction average of the solubility parameters of 

the two pure solvents, <SB and S c . The superscript (o) 

indicates that the solvent composition is calculated as if 
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the solute were not present. 

The solubility parameter approach is very popular 

because it relates the solubility of a solute in a given 

solvent, either pure or mixed, to the bulk properties of the 

pure components. Although this particular application of 

the solubility parameter theory has certain practical 

advantages, i.e. it requires only a minimal number of 

experimental observations, a more flexible expression for 

binary solvent systems can be derived by replacing the 

individual SL values with the measured solubilities in the 

pure solvents and the measured thermodynamic excess 

properties of the solvent mixture. 

In order to incorporate direct experimental 

observations into the basic solubility parameter model, it 

is necessary to first substitute eqn. 2.18 into eqn. 2.15 

(1 - <pA)~2 RT In (aA
solid/XA) = VA (0B° dB + 0C° Sc - SR)2 

Equation 2.19 

and then multiply out the squared term 

(1 - <pA)'2 RT In (aA
solid/XA) = VA [ 0B° (5b - 5a)

2 

+ 0 C° (<SC - SA)2- 0 B° <pc° (SB - Sc)
2 ] 

Equation 2.2 0 

Inspection of eqn. 2.19 reveals that, for model systems 
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obeying this expression, the saturation solubility of the 

solute in a pure solvent (components B and C) is described 

by 

(GAE)i° = (1 " 0a)"2 R T l n (aA
solid/XA) = VA (SL - 5a)

 2 

Equation 2.21 

The small subscripts i = B and i = C are used to distinguish 

the properties of the solute in a pure solvent from those in 

the binary solvent system. Similarly, the excess Gibbs 

energy of the binary solvent mixture can be expressed 

gbc
e = ( V VB + Xc° Vc) 0B° <pc° (SB - Sc)

2 

Equation 2.22 

in terms of solubility parameters. 

Combining eqns. 2.19-2.22 one finds that the solubility 

of a solute in binary solvent mixtures containing only 

nonspecific interactions is 

RT ln (aA
solid/XA) = (l - <pA)2 [0B° (Ga

e)b°° + 0c
o(Ga

e)c°° 

VA (XB° VB + XC° Vc)
 1 GBCE3 

Equation 2.2 3 

a volume fraction average of the solute's properties in the 

two pure solvents, (<?A
E)B°° and (GA

E)C°°, and a contribution 
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due to the non-mixing of the solvent pair by the presence of 

the solute. Enhancement of the non-mixing term by a large 

solute molecule can lead to predictions of maximum (GBC
E > 

0) or minimum (GBC
E < 0) mole fraction solubilities. It 

should be noted that the basic solution model can also serve 

as the point of departure for the mathematical 

representation of solubility data; this will be dealt with 

later in Chapter III. 

D. Nearly Ideal Binary Solvent (NIBS) Model 

The NIBS approach was developed by Bertrand and co-

workers57"62 for describing the thermodynamic properties of 

a solute in binary solvent systems, and has been successful 

in predicting enthalpies of solution and solubilities in 

mixed solvents in which only nonspecific interactions are 

important. The basic principles of this method as they 

pertain to the chemical potential of a solute will be 

reviewed in order to identify the assumptions made in the 

derivation of the final predictive expressions. 

In the NIBS approach, expressions for the partial molar 

excess properties of the solute near infinite dilution were 

developed for a model ternary system obeying a general 

mixing equation 
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zE = (nA rA + nB rB + bc rc)
 1 [nA rA nB rB Aab + nA rA ncrcAAC 

+ nc rc ^BC ] 

Equation 2.24 

in which Z represents any extensive thermodynamic property, 

is the weighting factor for component i, and A ^ is a 

binary interaction parameter that is independent of 

composition. Through differentiation of eqn. 2.24 the 

corresponding partial molar excess properties of the solute 

can be expressed in terms of a weighted mole fraction 

average of the infinite dilution properties in the two pure 

solvents, (£A
E)B°° and (£A

E)C°°, and a contribution resulting 

from the unmixing of the binary solvent pair 

(Z A
Er = fB° (Z*)B

a + fc° (ZA
E)C°° 

B̂CE 

Equation 2.25 

" r A ( V r
B + Xc° Tc)Zl

 E 

where fB° = l - fc° = ^ rB/ (nB rB + nc rc) and xB° = l -

Xc°
 = ^b/ (̂ B nc) • 

In eqn. 2.25 and subsequent expressions, the 

superscript (oo) indicates an extrapolated value for the 

infinite dilution solution (fA = 0) . Most of the specific 

elements of the model eqn. 2.24 were removed; only the 

weighting factors remain. It follows that if reasonable 

estimates for the weighting factors can be developed, then 
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the thermodynamic excess properties of the solute in binary 

solvent systems can be predicted and compared to measured 

experimental data. 

Weighting factors represent a measure of the skew of 

the binary thermodynamic excess property from mole fraction 

symmetry, and can be evaluated only in a relative sense, as 

the ratio of two weighting factors (I^/Tj). Several 

methods61-63 have been proposed previously for the 

evaluation of these weighting factors from the thermodynamic 

properties of binary mixtures. Many of these methods are 

not applicable in the case of solute solubility, as only a 

single data point is associated with each solute-solvent 

pair. To circumvent this problem, several simple 

approximations can be made: 

(a) approximating the weighting factors for each component 

by its molar volume; 

(b) eguating the weighting factors of all components; or 

(c) approximating the weighting factors for each component 

by the surface area of the molecule. 

Thermodynamic excess properties are relatively simple 

for directly observed excess properties such as volume and 

enthalpy. But in the case of Gibbs energy, thermodynamic 

excess properties are complicated by the fact that the total 

free energy of mixing is experimentally determined. The 

excess value must be calculated as the difference between 

the observed value and the value of an ideal mixture 
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AG = RT £ nL In XL + GE 

Equation 2.26 

For mixtures containing molecules with considerable 

differences in molar volumes, general mixing equations 

possessing the form of eqn. 2.24 more accurately describe 

differences between the total free energy of mixing and that 

predicted via the Flory-Huggins model 

Gmix = R T S n i in 0i + G
f h 

Equation 2.27 

For a binary mixture, the difference between the excess 

Gibbs energy and the Flory-Huggins excess Gibbs energy is 

G B C F H = GBC E + RT[ln(XBVB + XCVC) - XBln VB - Xcln Vc] 

Equation 2.28 

The mathematical treatment of these general mixing equations 

leads to two general expressions for estimating excess 

chemical potential of a solute at low mole fractions in a 

binary solvent: 

GAE = (1 " fA)
2 tfB° (GA«)b- + fC° (

GAE>Cm 

" rA (XB° rB + XC° rc)_1 GBCE] 

Equation 2.29 
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and 

Ga
fh = (1 - fA)

2 [fB° (Ga
fh)b°° + fc° (GA

FH)C
RO 

" rA (XB° rB + XC° rc)_1 GBCFH] 

Equation 2.30 

The term GA
FH represents an excess molar Gibbs energy of the 

solute relative to an ideal mixing equation based upon 

volume fractions rather than mole fractions. 

Through basic thermodynamic relationships the excess 

chemical potential of the solute in binary solvent mixtures 

can be related to the solubility 

Ga
e = RT In (aA

solid/XA) 

Equation 2.31 

G A
F H = RT { in (aA /0 A) - [1 - ( V A / V S O L V E N T ) ] } 

Equation 2.32 

in which VA is the molar volume of the solute in the liquid 

state at the desired temperature, and aA
solid is the activity 

of the solute referred to the hypothetical supercooled 

liquid below the normal melting point temperature. 

Based upon different weighting factor approximations 

and definitions of mixture ideality, Acree and Bertrand60"62 

derived the following three NIBS expressions 
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RTln (aA
solid/XA) =(1 - Xa)

2[Xb° (GA
E)B

ra + Xc° (Ga
e)c°° -Gbc

e] 

Equation 2.33 

RTln (a/o^/x*) = (1 - [«B° (Gi«)B° + *c° (Gr
e)0" 

- VA ( V VB + Xc° Vc)-
1 Gbo

e) 

Equation 2.34 

and 

RT{ln (as
oolid/0fi) - (1 - <f>s) [1 - VA/(XB° VB + XC°V0)]} 

- (1 " 0*12 [ 4>b° + <*c° (6a™)0" 

" vft (XB° VB + xc° vc)"i G b o™ J 

Equation 2.35 

for predicting solubilities in binary solvents. 

Equation 2.34 can also be derived from the Scatchard-

Hildebrand solubility parameter theory by eliminating the 

three 5s with the experimental solubilities in the pure 

solvents and the thermodynamic excess properties of the 

binary solvent as shown in the preceeding section. However, 

the NIBS treatment is more general and does not place any 

restrictions on the numerical values that the binary 

interaction parameters can assume. For the most part, Acree 

et al.60~62 showed that eqns. 2.34 and 2.35 provide 

reasonable estimates ( ± 5 %) for the experimental 

solubilities; the exceptions being the anthracene and pyrene 



45 

solubilities in solvent mixtures containing either benzene, 

methylbenzene or 1,4-dimethylbenzene. 

The superiority of expressions based upon molar volumes 

suggests that the relative sizes of the molecules are an 

important consideration. The use of surface areas as 

weighting factors may be revealing because surface area 

represents a different measure of molecular size. 

Introduction of molecular surface areas (A^) into the basic 

NIBS model (Equation 2.24) leads to the development of two 

more predictive expressions 

RT in (aA
solid/xA) = (i - eA)"2 teB° (GAE)Bro + ec° 

(®AE)C ~ (^B° XC° Ac) * Gbc
E ] 

Equation 2.36 

and 

RT {ln(aA
solid/0A) - (l - 0A)[1 - VA/(XB° VB + XC°VC) ] > 

= (i - eA)-
2 [0B° (G/

11)^ + ec° (GA
FH)C°° 

- A A ( X B ° A b + x c ° A c ) " 1 G B C
F H ] 

Equation 2.37 

depending upon whether Raoult's law (eqn. 2.36) or the 

Flory-Huggins model (eqn. 2.37) is used to define solution 

ideality. 

Equation 2.36, based upon surface areas as weighting 

factors for the excess free energies relative to Raoult's 

law, is seen to be the most generally applicable predictive 
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expression with an overall average root-mean-square (rms) 

deviation of about 2.0 % and a maximum error for a single 

data point of about 9.5 %. This maximum deviation occurs in 

a system (benzene + n-heptane) in which conflicting values 

°f Gbc
e were reported. The primary advantage of eqn. 2.36 

over expressions based upon molar volumes, eqns. 2.34 and 

2.35, is its applicability to anthracene and pyrene 

solubilities in solvent mixtures containing either benzene, 

methylbenzene or 1,4-dimethylbenzene. Otherwise, eqns. 2.34 

and 2.35 are slightly better than equations based upon 

surface areas. 

Indeed, from the standpoint of calculational simplicity 

and the ready availability of molar volumes, eqn. 2.34 is 

preferred, and some support for this form can be found in 

its adaptability to the Scatchard-Hildebrand solubility 

parameter theory. Similar support for eqns. 2.36 and 2.37 

can be found in correlations of partition coefficients with 

surface areas and in several semi-empirical expressions 

developed for predicting vapor-liquid equilibrium. In 

addition, equation 2.34 is also applicable to polymer 

solutions, and this form of the basic NIBS model is 

preferred by Acree because it is more ideally suited to 

concentration-based equilibrium constants and to gas-liquid 

chromatographic partition coefficients. Furthermore, Chiou 

and Manes63 64 have shown that the Flory-Huggins model, upon 

which eqn. 2.35 is based, represents a more realistic 



47 

description of ideality in systems having molecules of 

moderate size disparity. 

E. The Wilson Model 

Twenty years after the work of Flory and Huggins, 

Wilson65 considered the case where the components in a 

mixture differ not only in molecular size but also in their 

intermolecular forces. The Wilson model uses an ad hoc 

extension of an entropic approach based on the concept of 

" local volume fraction" which he applied to both binary and 

multicomponent nonelectrolyte mixtures. His basic 

assumption was that in a binary solution of components A and 

B, the probability of finding a molecule of type B around a 

central molecule of type A, relative to finding a molecule 

of type A is expressed in terms of the overall mole 

fractions and weighted by two Boltzmann factors 

XBA/XAA = XB e x P (-*BA/RT)/Xa exp (-i M/RT) 

Equation 2.38 

where and A,ab are pair potential/interaction energies 

between molecules A and B. 

Then, he defined the local volume fraction component, 

of say, component A, designated by $A as 



£A ~ VA XAA/ (VA X m + VB XBA) 

48 

Equation 2.39 

If = Aba = ABB, the local volume fraction is equivalent 

to the ideal volume fraction, 0A which will reduce the free 

energy of mixing to the Flory-Huggins equation. 

In order to simplify notation, two new parameters AAB 

and Aba are defined in terms of the molar volumes V* and Vn 

and the energies X ^ , XBA and X BB 

AAB - VB / VA exP [ - (*AB - *AA>/ RT] 

and 

ABA = VA / VB E X P [ ~ (*AB ~ KB)/ RT] 

from which the Wilson equation becomes 

Equation 2.40 

Equation 2.41 

^9kB6X ~RT tXA (XA + XB AAB) + XB (XB + XA ABA) ] 

Equation 2.42 

There are three distinct advantages to the Wilson 

model : namely, it has a built-in temperature dependence, it 

gives excellent results for nonideal systems and finally the 

parameters are comparatively easy to determine through 

nonlinear least squares analysis. In other words, it may be 

extended to as many components as desired without any 
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additional assumptions and without introducing any constants 

other than those obtained from the binary data. However, a 

major disadvantage or limitation of the Wilson model is its' 

inability to predict partial miscibility. 

F. Thermodynamic Principles Governing Associated Solutions 

It is not difficult to identify two distinct schools of 

thought regarding the various methods for treating 

experimental data to obtain association parameters. At one 

extreme are those who, with Dolezalek66-57, ascribe all 

deviations from ideality to the formation of chemical 

compounds between interacting molecules. Negative 

deviations from Raoult's law are rationalized in terms of 

the assumed existence of heteromolecular complexes, while 

positive deviations are attributed to the formation of 

homomolecular complexes between molecules of the individual 

components. However, there have been numerous challenges to 

the assumption that all deviations from the ideal solution 

are chemical in origin. 

Early on, van Laar68-70 advocated the concept that 

physical factors that are too weak to stabilize discrete 

molecular aggregates lead to nonideality in nonelectrolyte 

solutions. Molecular theories of liquid mixtures, such as 

the Scatchard-Hildebrand solubility parameter model, can 

account for fairly sizeable deviations from Raoult's law in 

systems where chemical effects are presumably absent. 
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Consequently, it is often argued that complex formation 

should be considered to occur only to the extent that 

solution nonideality exceeds that predicted by models based 

upon nonspecific physical interactions. There is still 

considerable ground for disagreement concerning the 

quantitative contributions of physical effects in 

associating systems, or rather, the degree to which activity 

coefficient effects complicate the interpretation of 

experimental data. These ambiguities clearly make it 

difficult to develop meaningful descriptions and 

explanations of solution nonideality, particularly in the 

case of weak association complexes. 

The chemical and physical descriptions of solutions 

represent extreme, one-sided statements of what 

thermodynamicists believe to be the actual situation. 

Generally, both physical and chemical forces should be taken 

into account. A comprehensive theory of liquid solutions 

should provide for a smooth transition from one limit of an 

entirely physical description to the other limit of a 

completely chemical description. It is, of course, 

difficult to formulate theories that take into account the 

physical and chemical effects, as the mathematics become 

complex and the number of adjustable parameters rapidly 

increases. Nevertheless, a few classical attempts have been 

made, in the case of the Extended NIBS approach for 

describing the solubility behavior of crystalline solutes in 
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complexing systems. 

One of the important underlying principles governing 

thermodynamic modelling of associated solutions is that the 

Gibbs energy can be expressed either in terms of the 

chemical potentials of the "true" species that actually 

exist in solution, or in terms of chemical potentials of the 

components assuming no complex formation. This principle is 

illustrated by considering a binary solution containing 

components A and B which 

A + B <—• AB KAB = XAB / (XA XB) 

A + 2B <—*• AB2 Kab2 = XAB2/ (XA XB
2) 

both AB and AB2 molecular complexes are formed. 

Concentration of each molecular complex is governed by the 

respective equilibrium constant. Mass balance constraints 

relate the number of the various chemical species actually 
/V /s «-\ 

in the solution (nA/ nB, nAB and nAB2) to 

n A ~ n A + nAB + nAB2 

dnA = dnA + dnAB + dnAB2 

a A 
n B = n B + nAB + 2 nAB2 

Equation 2.43 

Equation 2.44 

Equation 2.45 



dnB = dnB + dnAB + 2dnAB2 
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Equation 2.46 

to the stoichiometric mole numbers of the two components 

(nA and nB). The total free energy of this quaternary 

solution can be expressed in terms of the chemical 

potentials of the four species actually present 

G = nA Mft + nB + nAB ^AB + nAB2 ^AB2 

Equation 2.47 

with the total differential dG at constant temperature and 

pressure, given by 

- ^A ^nA + ^nB + ^AB ^nAB + ^AB2 ^nAB2 

+ nA d^A + nB d^B + nAB d/iAB + nAB2 d/iAB2 

Equation 2.48 

The Gibbs-Duhem equation for multicomponent systems 

a /\ 
S nL dnL = 0 

Equation 2.49 

requires that the last four terms in eqn. 2.48 must be zero, 

The total differential, dGT now simplifies to 
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dGT#p - Ma dnA + Mb dnB + Mab dnAB + MaB2 dnAB2 

Equation 2.50 

using the two equilibrium conditions 

A A A 
MAB = MA + MB 

Equation 2.51 

MAB2 ~ MA + 2Mb 

Equation 2.52 

the combination of Eqns. 2.44, 2.46 and 2.50 gives 

dGT,p — MA dnA + MB dnB + MA dnAB + MB dnB + MAdnAB2 

+ 2hb dnAB2 

Equation 2.53 

dGT,p = Ma (dnA +
 d % B + 2 d%B2 ) + MB (

d"B
 + d^AB + dnAB2) 

Equation 2.54 

dGT,p = Ma
 dnA + MB

 dnB 

Equation 2.55 

Alternatively, the solution could have been described as a 

binary system, in which case 
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dGT,p = Ma d nA + Mq dnB 

Equation 2.56 

Equations 2.55 and 2.56 must be identical for all values of 

dnA and dnB. The only way that this requirement can be 

achieved is if the macroscopic chemical potentials, /iA and 

fiB, equal the chemical potentials of the uncomplexed 

molecules 

/V 
Ma = MA 

Equation 2.57 

A 

Mb = MB 

Equation 2.58 

The above requirements apply to all associated 

solutions, irrespective of the number of molecular complexes 

formed. From a thermodynamic modelling point-of view, it is 

not necessary to know the stoichiometry of all the 

association complexes formed. Rather, each component can be 

simply treated as either uncomplexed or complexed. In the 

case of alcohol solutions, this thermodynamic condition is 

realized in Mobile Order theory by two time fractions, i.e., 

the fractions of time the hydroxylic proton is either free 

or involved in hydrogen-bond formation. Stoichiometry of 

the actual complexes formed is unimportant in thermodynamic 
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descriptions using Mobile Order theory. 

Associated solutions will be discussed in greater 

detail in Chapter IV when thermodynamic expressions are 

developed for predicting the solubility of a crystalline 

solute dissolved in binary alcohol + alcohol, alcohol + 

alkoxyalcohol and alkoxyalcohol + alkoxyalcohol solvent 

mixtures. Derived expressions will be based upon Mobile 

Order theory and the more conventional Kretschmer-Wiebe 

association model. The later model assumes the stepwise 

formation of linear hydrogen-bonded alcohol association 

complexes formed are governed by equilibrium constants. 
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CHAPTER III 

EXPERIMENTAL MATERIALS, METHODS AND RESULTS 

PYRENE AND ANTHRACENE SOLUBILITY STUDIES 

A. Materials 

Anthracene was purchased from two different chemical 

sources that which was from Aldrich (mass fraction 0.999+) 

was used as received whereas the sample bought from Acros 

(mass fraction 0.99+) was recystallized several times from 

2-propanone. Pyrene (Aldrich mass fraction 0.99+) was 

recrystallized several times from anhydrous methanol before 

use. 1-Propanol (Aldrich mass fraction 0.99+, anhydrous), 

2-propanol (Aldrich mass fraction 0.99+, anhydrous), 1-

butanol (Aldrich HPLC, mass fraction 0.998+), 2-butanol 

(Aldrich mass fraction 0.99+, anhydrous), 2-methyl-l-

propanol (Aldrich mass fraction 0.99+, anhydrous), 3-methyl-

1-butanol (Aldrich mass fraction 0.99+, anhydrous), 1-

pentanol (Aldrich 0.99+), 2-pentanol (Acros mass fraction 

0.99+), 4-methyl-2-pentanol (Acros mass fraction 0.99+), 2-

ethyl-l-hexanol (Aldrich mass fraction 0.99+), 1-octanol 

(Aldrich mass fraction 0.99+, anhydrous), 

cyclohexanol(Aldrich mass fraction 0.99+), 2-methoxyethanol 
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mass fraction 0.995, anhydrous), 2-ethoxyethanol (Acros mass 

fraction 0.99+), 2-propoxyethanol (Aldrich mass fraction 

0.99+), 2-butoxyethanol (Acros mass fraction 0.99+) and 3-

methoxy-l-butanol (Aldrich mass fraction 0.99+) were stored 

over both anhydrous sodium sulfate and molecular sieves 

before being fractionally distilled. 

Gas chromatographic analysis showed solvent purities to 

be 0.997 mole fraction or better. Karl Fischer titration 

gave water contents of mass fraction < 0.0001 for all 

alcohols used. This analysis was performed as a 

precautionary measure because even small traces of water 

significantly affect the solubility of organic 

nonelectrolyte solutes. Polycyclic aromatic hydrocarbons 

are extremely insoluble in water. Trace amounts of water 

would cause a significant decrease in the experimentally 

determined anthracene and pyrene solubilities for a given 

sample from its' true value. 

B. Binary Solvent Mixtures 

Binary solvent mixtures were prepared by mass so that 

compositions could be calculated to 0.0001 mole fraction. 

Indeed, for each binary solvent system studied, solute 

solubilities were determined at seven different binary 

solvent compositions, expressed in terms of xc°, spanning 

the entire mole fraction range between 0.0000 to 1.0000 in 

xc°. Arbitrarily, these compositions are expressed in terms 
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of the initial mole fraction of a particular binary solvent, 

which for xc° is calculated by the following equation: 

xc° = nc / (nc + nB) 

Equation 3.1 

where nc and nB represent the number of moles of each system 

component. Similarly, xB° can be calculated by modifying 

equation 3.1 or since, by definition the sum of the moles 

fractions, xB° and xc° must equal 1.0000 mole fraction by 

using the relationship that: 

XO — -i _ v- ° 
B ~ X A c 

Equation 3.2 

The two boundary solvent compositions of 0.0000 and 1.0000 

mole fractions in xc° were determined by measuring the 

solute solubilities in the two pure solvents. 

Excess solute and 20 mL of solvent were placed in amber 

25 mL glass bottles and allowed to equilibrate in a constant 

temperature water bath at (25 ± 0.05) °C for anthracene and 

(26.0 + 0.05) °C for pyrene with periodic agitation for at 

least three days (often longer). Bath temperatures were 

determined using a Brooklyn calorimetric thermometer, the 

calibration being traceable back to a National Bureau of 

Standards (now National Institute of Standards and 
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Technologies) standard thermometer. In the case of 

cyclohexanol, it was necessary to warm the solvent to 30° C 

in order to syringe various volumes because it is extremely 

viscous at room temperature. The melting temperature of 

cyclohexanol is 22-24° C. 

The total volume of the solvent was selected so as to 

almost fill the glass bottle. Headspace corrections were 

not necessary, since there was a dead volume of less than 5 

ml above the liquid mixture as compared to the overall total 

liquid volume of in excess of 20 mL. The amount of each 

solvent that had vaporized as a result of the constant and 

random partitioning between the liquid and the vapor phases 

of the solvent can be neglected since this would only affect 

the fourth decimal place of the mole fractions. 

Buoyancy corrections also were not necessary because every 

solvent has approximately the same density. This correction 

takes into account the mass of the air that is displaced 

when the liquid (or solid) sample is added to the container. 

For each milliliter of liquid added, the true mass and 

apparent mass differ by 0.0012 grams. The true mass is then 

found by multiplying the apparent mass by the 

proportionality constant of (liquid density + 

0.0012)/(liquid density). One and two proprtionality 

constants appear in the numerator and denominator, 

respectively, of the initial binary solvent mole fraction 

calculations. Proportionality factors mathematically cancel 
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(or nearly cancel) if the two cosolvents have identical (or 

approximately) the same densities. Buoyancy corrections 

were made for a few select binary solvent mixtures, and the 

calculated mole fractions were identical to values 

calculated without the corrections. 

The precautionary measures that were taken in order to 

prevent the absorption of water into the samples and 

possible evaporation of the more volatile solvent included: 

caps of the amber glass bottles were teflon lined, parafilm 

seal on the caps followed by vinyl electrical tape, secured 

by an elastic band. Moreover, weights of similarly sealed 

containers were periodically determined during the course of 

the investigations. Measured weights indicated negligible 

evaporation loss from the similarly sealed containers over 

the 5-7 days required for sample equilibration and analysis. 

Attainment of equilibrium was verified by repetitive 

measurements after a minimum of three additional days and by 

approaching equilibrium from supersaturation by pre-

equilibrating the solutions at a higher temperature. 

Aliquots of saturated pyrene solutions were transferred via 

syringe through a coarse filter into a tared volumetric 

flask to determine the amount of sample and then diluted 

quantitatively with methanol for spectrophotometry analysis 

at 372 nm on a Bausch and Lomb Spectronic 2000. Aliquots of 

saturated anthracene were similarly treated and 

spectrophotometrically analyzed at 356 nm. All volumetric 
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glassware was of grade A tolerance. 

C. Beer-Lambert Law 

Concentrations of the dilute solutions were determined 

from a Beer-Lambert law1 absorbance versus concentration 

working curve derived from measured absorbances of standard 

solutions of known molar concentration. The Beer-Lambert 

law simply states that the absorbance is directly 

proportional to the path length through the solution and the 

concentration of the absorbing species and is mathematically 

expressed as follows: 

A = e b C 

Equation 3.3 

where A is the sample's absorbance of light at a specific 

wavelength (A = -log T, T is the transmittance), e is the 

molar absorptivity, b is the path length the light must 

travel through the sample in centimetres and C is the 

analyte concentration in moles per liter. Consequently, A 

becomes directly proportional to C since the path length, 

i.e the cuvette is held constant at 1 cm. The molar 

absorptivity is defined as the amount of radiation absorbed 

by one mole of analyte per litre (path length ignored) and 

is evaluated through known concentrations of analyte. In 

theory, molar absorptivity remains constant with 
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concentration, however, in practice minor deviations from 

linearity can be compensated for by mathematically 

expressing e as a function of the measured absorbance. So 

in concentration calculations, the value of e is selected to 

correspond to the absorbance of the unknown solution. 

A caveat needs to be sounded insofar as the Beer-

Lambert law is a limiting law since it is successful in 

describing the absorption behaviour of only dilute solutions 

(concentrations < 0.01 Molar). At high concentrations 

(usually > 0.01 M), the average distance between the species 

responsible for absorption is diminished to such an extent 

that the charge distribution of each affects its nearest 

neighbour. This interaction, dependent upon concentration, 

can alter their ability to absorb a given wavelength of 

radiation. In all of the systems studied the concentrations 

were below 0.01 M negating any possible effect of molecular 

interactions. 

Another deviation from the Beer-Lambert Law arises from 

the fact that the molar absorptivity, e is dependent on the 

refractive index, n, of the solution being analyzed. 

Concentration changes can cause significant changes in the 

refractive index of the solutions hence affecting the value 

of the molar absorptivity, e. A correction factor would 

involve replacing e with the quantity 
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(en) / (n2 + 2)2 

Equation 3.4 

although the correction is rarely significant at 

concentrations of less than 0.01 M. 

An additional manifestation of the limiting character 

of the Beer Lambert Law is that strict adherence is only 

observed with truly monochromatic radiation. However, it is 

an experimental fact that such deviations from the Beer-

Lambert* s Law resulting from the use of polychromatic 

radiation are not appreciable, provided the absorber does 

not exhibit large changes in absorption as a function of 

wavelength in the chosen spectral region. In summary, there 

are several sources of possible error, nonetheless the Beer-

Lambert Law works very well for the designated 

concentrations. 

Molar absorptivities of pyrene varied systematically 

with molar concentration, revealing an approximate 5% 

systematic decrease with increasing analyte concentration 

and concomitantly the molar absorptivities ranged from circa 

e/(Liter mol"1 cm"1) = 235 to e/(Liter mol"1 cm-1) = 217 for 

pyrene concentrations ranging from C/(Molar) = 1.25 x 10"3 

to C/(Molar) = 4.15 x 10~3. Identical molar absorptivities 

were obtained for select pyrene standard solutions that 

contained up to 5 volume percent of the neat alcohol 

cosolvents. Experimental molar concentrations were 
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converted to (mass/mass) solubility fractions by multiplying 

by the molar mass of pyrene, volume(s) of volumetric 

flask(s) used and any dilutions required to place the 

measured absorbances on the Beer-Lambert law absorbance 

versus concentration working curve, i.e. within the linear A 

cm"1 « 0.3 to A cm-1 « 1.7 range covered by the standard 

solutions and then dividing by the mass of the saturated 

solution analyzed. Mole fraction solubilities were computed 

from (mass/mass) solubility fractions using the molar masses 

of the solute and solvent. Anthracene solubilities were 

determined in similar fashion at 356 nm. In the case of 

anthracene, the calculated molar absorptivities ranged from 

circa e/(Liter mol"1 cm"1) = 7,450 to ef(Liter mol-1 cm"1) = 

7,150 for anthracene concentrations ranging from C/(Molar) = 

6.75 x 10"5 to C/(Molar) = 2.25 x 10"4. 

Experimental pyrene solubilities in 39 binary alcohol + 

alcohol mixtures and neat alkoxyalcohols studied are listed 

in Tables I-VI and VII respectively. Experimental 

anthracene solubilities in 48 binary alcohol + alkoxyalcohol 

mixtures studied are listed in Tables VIII-XIII. In each 

case the numerical values represent the average of between 

four and eight independent determinations, with the measured 

values being reproducible to within + 1.5 per cent. 
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Table I. Experimental Mole Fraction Solubilities of 

Pyrene (x|at) in Binary Alcohol(B) + 

1-Octanol (C) Solvent Mixtures at 26°C 

x° xc vsat 
A 

2-Butanol (B) + 1-Octanol <C) 

0.0000 0.00439 

0.0595 0.00522 

0.1303 0.00629 

0.2794 0.00853 

0.3664 0.00978 

0.4708 0.01154 

0.6935 0.01506 

0.8304 0.01736 

1.0000 0.02077 
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Table I. Continued. 

x° xc vsat 
A 

1-Butanol (B) + 1-Octanol (C) 

0.0000 0.00622 

0.0642 0.00720 

0.1279 0.00810 

0.2677 0.01022 

0.3731 0.01168 

0.4687 0.01303 

0.7018 0.01640 

0.8546 0.01870 

1.0000 0.02077 

2-Butanol (B) + 2-Methyl-l-propanol (C) 

0.0000 0.00439 

0.1070 0.00436 

0.1997 0.00425 

0.3971 0.00397 

0.5005 0.00384 

0.6037 0.00371 

0.7974 0.00350 

0.8933 0.00340 

1.0000 0.00326 
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Table I. Continued. 

x° xc vsat 
A 

2-Butanol (B) + l-Butanol (C) 

0.0000 0.00439 

0.1065 0.00465 

0.1954 0.00477 

0.3926 0.00506 

0.5033 0.00527 

0.6060 0.00546 

0.7875 0.00588 

0.8789 0.00611 

1.0000 0.00622 

3-Methyl-1-butanol (B) + 2-Methyl-l-propanol (C) 

0.0000 0.00546 

0.1214 0.00538 

0.2251 0.00514 

0.4337 0.00471 

0.5369 0.00443 

0.6371 0.00415 

0.8236 0.00371 

0.9131 0.00351 

1.0000 0.00326 
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Table I. Continued. 

X° X C vsat 
A 

3-Methyl-l-butanol (B) + l-Butanol (C) 

0.0000 0.00546 

0.1164 0.00565 

0.2450 0.00570 

0.4355 0.00581 

0.5414 0.00586 

0.6364 0.00596 

0.8240 0.00606 

0.9063 0.00618 

1.0000 0.00622 
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Table II. Experimental Mole Fraction Solubilities of 

Pyrene (x|Jat) in Binary Alcohol (B) + 

2-Ethyl-l-hexanol (C) Solvent Mixtures at 26°C 

x° xc 
vsat 
A 

1-Propanol (B) + 2-Ethyl-l-hexanol (C) 

0.0000 0.00426 

0.0573 0.00473 

0.1103 0.00517 

0.2400 0.00618 

0.3210 0.00684 

0.4405 0.00774 

0.6606 0.00946 

0.8155 0.01081 

1.0000 0.01250 
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Table II. Continued. 

xi x sat 

2-Propanol (B) + 2-Ethyl-l-hexanol (C) 

0.0000 0.00290 

0.0573 0.00340 

0.1094 0.00387 

0.2468 0.00510 

0.3177 0.00565 

0.4282 0.00654 

0.6540 0.00850 

0.8071 0.01013 

1.0000 0.01250 

1-Butanol (B) + 2-Ethyl-l-hexanol (C) 

0.0000 0.00622 

0.0656 0.00668 

0.1314 0.00707 

0.2770 0.00776 

0.3609 0.00818 

0.4703 0.00881 

0.6889 0.01021 

0.8218 0.01111 

1.0000 0.01250 
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Table II. Continued. 

X° XC vsat 
A 

2-Butanol (B) + 2-Ethyl-l' -hexanol (C) 

0.0000 0.00439 

0.0651 0.00485 

0.1296 0.00531 

0.2768 0.00651 

0.3679 0.00723 

0.4632 0.00804 

0.6592 0.00968 

0.8325 0.01118 

1.0000 0.01250 

2-Methyl-l' -Propanol (B) + 2-Ethyl-l-hexanol (C) 

0.0000 0.00326 

0.0639 0.00376 

0.1292 0.00433 

0.2622 0.00537 

0.3592 0.00615 

0.4824 0.00722 

0.7042 0.00920 

0.8052 0.01022 

1.0000 0.01250 
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Table II. Continued. 

x° xc 
vsat 
A 

3-Methyl-l-butanol (B) + 2-Ethyl-l-hexanol (C) 

0 . 0 0 0 0 0.00546 

0.0765 0.00597 

0.1506 0.00634 

0.3152 0.00722 

0.4104 0.00780 

0.5090 0.00841 

0.7344 0.01009 

0.8285 0.01088 

1 . 0 0 0 0 0.01250 

1-Octanol (B) + 2-Ethyl-1-hexanol (C) 

0 . 0 0 0 0 0.02077 

0.0991 0.01965 

0.2050 0.01850 

0.4039 0.01649 

0.5023 0.01577 

0.6056 0.01483 

0.7955 0.01365 

0.8911 0.01306 

1 . 0 0 0 0 0.01250 
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Table III. Experimental Mole Fraction Solubilities of 

Pyrene (x|at) in Binary (B) + Cyclohexanol (C) 

Solvent Mixtures at 26°C 

x° xc 
„sat 
A 

1-Propanol (B) + Cyclohexanol (C) 

0.0000 0.00426 

0.0781 0.00472 

0.1516 0.00515 

0.3047 0.00596 

0.4046 0.00645 

0.5200 0.00715 

0.7425 0.00830 

0.8714 0.00905 

1.0000 0.00965 
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Table III. Continued. 

x) x sat 

2-Propanol (B) + Cyclohexanol (C) 

0.0000 0.00290 

0.0701 0.00333 

0.1412 0.00369 

0.3172 0.00475 

0.4155 0.00544 

0.4844 0.00592 

0.7325 0.00774 

0.8429 0.00846 

1.0000 0.00965 

1-Butanol (B) + Cyclohexanol (C) 

0.0000 0.00622 

0.0909 0.00660 

0.1807 0.00695 

0.3601 0.00755 

0.4609 0.00798 

0.5691 0.00831 

0.7780 0.00903 

0.8828 0.00928 

1.0000 0.00965 
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Table III. Continued. 

x° xc 
vsat 
A 

2-Butanol (B) + Cyclohexanol (C) 

0.0000 0.00439 

0.0761 0.00486 

0.1918 0.00545 

0.3434 0.00619 

0.4546 0.00675 

0.5668 0.00738 

0.7664 0.00853 

0.8723 0.00906 

1.0000 0.00965 

2-Methy1-1-propano1 (B) + Cyclohexanol (C) 

0.0000 0.00326 

0.0856 0.00370 

0.1616 0.00403 

0.3421 0.00497 

0.4516 0.00557 

0.5570 0.00631 

0.7691 0.00775 

0.8821 0.00861 

1.0000 0.00965 
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Table IV. Experimental Mole Fraction Solubilities of 

Pyrene (x^at) in Binary Alcohol (B) + 1-Pentanol 

(C) Solvent Mixtures at 26°C 

X° X C 
vsat 

A 

1-Pentanol (B) + 1-Propanol (C) 

0.0000 0.00426 

0.00739 0.00457 

0.1553 0.00501 

0.3232 0.00589 

0.4146 0.00634 

0.5181 0.00688 

0.7356 0.00788 

0.8568 0.00850 

1.0000 0.00931 
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T a b l e I V . C o n t i n u e d . 

,sat 

2 - P r o p a n o l (B) + 1 - P e n t a n o l (C) 

0 . 0 0 0 0 0 . 0 0 2 9 0 

0 . 0 7 7 4 0 . 0 0 3 3 1 

0 . 1 5 7 8 0 . 0 0 3 7 8 

0 . 3 1 3 7 0 . 0 0 4 7 0 

0 . 4 1 4 5 0 . 0 0 5 3 5 

0 . 5 1 8 7 0 . 0 0 6 0 2 

0 . 7 2 5 1 0 . 0 0 7 4 7 

0 . 8 5 7 3 0 . 0 0 8 2 7 

1 . 0 0 0 0 0 . 0 0 9 3 1 

1 - B u t a n o l (B) + 1 - P e n t a n o l (C) 

0 . 0 0 0 0 0 . 0 0 6 2 2 

0 . 0 9 4 7 0 . 0 0 6 5 8 

0 . 1 7 0 9 0 . 0 0 6 8 4 

0 . 3 5 6 4 0 . 0 0 7 4 5 

0 . 4 5 9 3 0 . 0 0 7 8 1 

0 . 5 5 1 6 0 . 0 0 8 0 5 

0 . 7 6 7 2 0 . 0 0 8 7 2 

0 . 8 6 4 2 0 . 0 0 9 1 3 

1 . 0 0 0 0 0 . 0 0 9 3 1 



83 

Table IV. Continued. 

x; x sat 

2-Butanol (B) + 1-Pentanol (C) 

0.0000 0.00439 

0.0935 0.00478 

0.1784 0.00520 

0.3558 0.00594 

0.4629 0.00646 

0.5658 0.00692 

0.7675 0.00798 

0.8836 0.00866 

1.0000 0.00931 

2-Methy1-1 -propanol (B) + 1 -Pentanol 

0.0000 0.00326 

0.0967 0.00375 

0.1811 0.00419 

0.3614 0.00515 

0.4621 0.00581 

0.5705 0.00644 

0.7689 0.00779 

0.8820 0.00847 

1.0000 0.00931 
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Table IV. Continued. 

x° xc v-sat 
A 

2-Pentanol (B) + 1--Pentanol (C) 

0.0000 0.00640 

0.1157 0.00679 

0.2066 0.00701 

0.4014 0.00755 

0.4993 0.00789 

0.6001 0.00816 

0.7985 0.00872 

0.8936 0.00909 

1.0000 0.00931 

3-Methyl-l-butanol (B) + 1-Pentanol (C) 

0.0000 0.00546 

0.1136 0.00585 

0.2091 0.00621 

0.4025 0.00690 

0.5031 0.00727 

0.6019 0.00765 

0.7932 0.00839 

0.8892 0.00884 

1.0000 0.00931 
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Table V. Experimental Mole Fraction Solubilities of 

Pyrene (x^at) in Binary Alcohol (B) + 

2-Methyl-l-pentanol (C) Solvent Mixtures at 26°C 

x° xc 
vsat 
A 

1-Propanol (B) + 2-Methyl-l-pentanol (C) 

0.0000 0.00426 

0.0722 0.00462 

0.1297 0.00487 

0.2858 0.00543 

0.3802 0.00582 

0.4824 0.00612 

0.7020 0.00684 

0.8413 0.00737 

1.0000 0.00789 
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Table V. Continued. 

x sat 

2-Propanol (B) + 2-Methyl-l-pentanol (C) 

0.0000 0.00290 

0.0688 0.00327 

0.1382 0.00364 

0.2911 0.00438 

0.3598 0.00477 

0.4844 0.00536 

0.7069 0.00648 

0.8384 0.00702 

1.0000 0.00789 

1-Butanol (B) + 2-Methyl-1-pentanol (( 

0.0000 0.00622 

0.0775 0.00645 

0.1592 0.00656 

0.3283 0.00679 

0.4240 0.00697 

0.5041 0.00709 

0.7403 0.00745 

0.8629 0.00773 

1.0000 0.00789 
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Table V. Continued. 

X° X C 
„sat 

A 

2-Butanol (B) + 2-Methyl-l -pentanol (C) 

0.0000 0.00439 

0.0815 0.00481 

0.1605 0.00508 

0.3241 0.00560 

0.4217 0.00594 

0.5009 0.00616 

0.7466 0.00709 

0.8416 0.00735 

1.0000 0.00789 

2-Methyl-l -propanol (B) + 2-Methyl-l-pentanol (C) 

0.0000 0.00326 

0.0902 0.00366 

0.1581 0.00400 

0.3354 0.00480 

0.4290 0.00518 

0.5515 0.00572 

0.7443 0.00661 

0.8454 0.00714 

1.0000 0.00789 
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Table V. Continued. 

X° XC vsat 
A 

1-Octanol (B) + 2-Methyl-l-pentanol (C) 

0.0000 0.02077 

0.1356 0.01881 

0.2438 0.01733 

0.5035 0.01378 

0.5605 0.01286 

0.6287 0.01216 

0.8331 0.00979 

0.9165 0.00865 

1.0000 0.00789 
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Table VI. Experimental Mole Fraction Solubilities of 

Pyrene (x^at) in Binary Alcohol (B) + 2-Methyl-2-

butanol (C) Solvent Mixtures at 26°C 

x° xc vsat 
A 

1-Propanol (B) + 2-Methyl-2-butanol (C) 

0.0000 0.00426 

0.0774 0.00435 

0.1462 0.00442 

0.3084 0.00469 

0.4092 0.00491 

0.5113 0.00507 

0.7306 0.00552 

0.8507 0.00579 

1.0000 0.00617 
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Table VI. Continued. 

x° xc vsat 
A 

2-Propanol (B) + 2-Methy1-2-butanol (C) 

0.0000 0.00290 

0.0845 0.00311 

0.1468 0.00330 

0.3101 0.00375 

0.4046 0.00405 

0.5082 0.00442 

0.7240 0.00512 

0.8588 0.00560 

1.0000 0.00617 

1-Butanol (B) + 2 -Methyl-2 -butanol (C) 

0.0000 0.00622 

0.0911 0.00618 

0.1812 0.00616 

0.3587 0.00620 

0.4356 0.00618 

0.5603 0.00620 

0.7567 0.00617 

0.8725 0.00619 

1.0000 0.00617 
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Table VI. Continued. 

x° xc vsat 
A 

2-Butanol (B) + 2-Methy1-2 -butanol (C) 

0.0000 0.00326 

0.0970 0.00342 

0.1808 0.00363 

0.3659 0.00408 

0.4755 0.00441 

0.5696 0.00463 

0.7668 0.00528 

0.8703 0.00570 

1.0000 0.00617 

1-Pentanol (B) + 2-Methyl-2-butanol (C) 

0.0000 0.00931 

0.1101 0.00913 

0.1955 0.00885 

0.3939 0.00818 

0.4866 0.00777 

0.5989 0.00756 

0.7969 0.00684 

0.8883 0.00656 

1.0000 0.00617 
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Table VI. Continued. 

x sat 

2-Pentanol (B) + 2-Methyl-2-butanol (C) 

0.0000 0.00640 

0.0997 0.00638 

0.2066 0.00634 

0.3816 0.00629 

0.5101 0.00626 

0.6077 0.00622 

0.8021 0.00620 

0.8949 0.00621 

1.0000 0.00617 

3-Methy1-1-butano1 (B) + 2-Methyl-2-bi 

0.0000 0.00546 

0.1276 0.00558 

0.2134 0.00563 

0.3988 0.00572 

0.4997 0.00581 

0.5912 0.00587 

0.7903 0.00598 

0.8931 0.00606 

1.0000 0.00617 
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Table VI. Continued. 

x sat 

4-Methy 1-2-pentanol (B) + 2-Methyl-2-butanol (C) 

0.0000 

0.1324 

0.2280 

0.4365 

0.5368 

0.6416 

0.8168 

0.9070 

1.0000 

0.00621 

0.00623 

0.00626 

0.00628 

0.00629 

0.00626 

0.00626 

0.00621 

0.00617 
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Table VII. Experimental Mole Fraction Solubilities of 

Pyrene in Neat Alkoxyalcohols at 26°C 

Alkoxyalcohol Solvent x sat 

2-Methoxyethanol 0.01717 

2-Ethoxyethanol 0.03046 

2-Propoxyethanol 0.03400 

2-Butoxyethanol 0.03790 

3-Methoxy-1-butano1 0.02541 
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Table VIII. Experimental Mole Fraction Solubilities of 

Anthracene (x|at) in Binary Alcohol (B) + 

2-Methoxyethanol (C) Solvent Mixtures at 25°c 

X° xc vsat 
A 

1-Propanol (B) + 2-Methoxyethanol (C) 

0.0000 0.000591 

0.0985 0.000746 

0.1861 0.000894 

0.3889 0.001243 

0.4840 0.001398 

0.5889 0.001571 

0.7854 0.001894 

0.8953 0.002035 

1.0000 0.002211 



96 

Table VIII. Continued. 

x sat 

2-Propanol (B) + 2-Methoxyethanol 

0.0000 0.000411 

0.1037 0.000580 

0.2019 0.000753 

0.3955 0.001090 

0.4859 0.001264 

0.6006 0.001482 

0.7591 0.001780 

0.8893 0.001996 

1.0000 0.002211 

1-Butanol (B) + 2-Methoxyethanol (C) 

0.0000 0.000801 

0.1173 0.001006 

0.2273 0.001192 

0.4382 0.001552 

0.5362 0.001698 

0.6222 0.001817 

0.8196 0.002052 

0.9074 0.002129 

1.0000 0.002211 
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Table VIII. Continued. 

x sat 

2-Butanol (B) + 2-Methoxyethanol (C) 

0.0000 0.000585 

0.1204 0.000801 

0.2189 0.000978 

0.4256 0.001397 

0.5376 0.001590 

0.6403 0.001758 

0.8182 0.001969 

0.9086 0.002092 

1.0000 0.002211 

1-Pentanol (B) + 2-Methoxyethanol (C) 

0.0000 0.001097 

0.1305 0.001346 

0.2569 0.001544 

0.4776 0.001875 

0.5784 0.002029 

0.6716 0.002131 

0.8481 0.002179 

0.9137 0.002194 

1.0000 0.002221 
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Table VIII. Continued. 

x; .sat 

2-Methyl-l-propanol (B) + 2-Methoxyethanol (C) 

0.0000 0.000470 

0.1205 0.000657 

0.2244 0.000828 

0.4402 0.001222 

0.5355 0.001410 

0.6459 0.001627 

0.8173 0.001906 

0.9128 0.002071 

1.0000 0.002211 

3-Methyl-1-butanol (B) + 2-Methoxyethanol (C) 

0.0000 0.000727 

0.1382 0.000949 

0.2633 0.001159 

0.4744 0.001537 

0.5845 0.001720 

0.6789 0.001855 

0.8462 0.002075 

0.9151 0.002137 

1.0000 0.002211 
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Table VIII. Continued. 

x sat 

1-Octanol (B) + 2-Methoxyethanol (C) 

0.0000 

0.1760 

0.3382 

0.5699 

0.6651 

0.7498 

0.8853 

0.9444 

1.0000 

0.002160 

0.002476 

0.002711 

0.002892 

0.002849 

0.002782 

0.002562 

0.002401 

0.002211 
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Table IX. Experimental Mole Fraction Solubilities of 

Anthracene (x^at) in Binary Alcohol (B) + 

2-Ethoxyethanol (C) Solvent Mixtures at 25°C 

x° xc vsat 
A 

1-Propanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.000591 

0.0759 0.000730 

0.1665 0.000910 

0.3100 0.001217 

0.4383 0.001517 

0.5398 0.001776 

0.7523 0.002325 

0.8762 0.002675 

1.0000 0.002921 
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Table IX. Continued. 

x; rsat 

2-Propanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.000411 

0.0887 0.000557 

0.1707 0.000718 

0.3354 0.001078 

0.4666 0.001401 

0.5441 0.001621 

0.7602 0.002243 

0.8625 0.002555 

1.0000 0.002921 

1-Butanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.000801 

0.1028 0.000988 

0.1888 0.001159 

0.3848 0.001563 

0.4880 0.001761 

0.5921 0.002043 

0.7784 0.002496 

0.8914 0.002785 

1.0000 0.002921 
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Table IX. Continued. 

x sat 

2-Butanol (B) + 2-•Ethoxyethanol (C) 

0.0000 0.000585 

0.0995 0.000773 

0.1923 0.000962 

0.3716 0.001375 

0.4891 0.001670 

0.5959 0.001953 

0.7937 0.002467 

0.8993 0.002765 

1.0000 0.002921 

2-Methyl-l-propanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.000470 

0.1023 0.000646 

0.1954 0.000823 

0.3875 0.001250 

0.4872 0.001498 

0.5876 0.001768 

0.7877 0.002367 

0.9029 0.002745 

1.0000 0.002921 
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Table IX. Continued. 

x) x sat 

3-Methy1-1-butano1 

0.0000 

0.1182 

0.2204 

0.4138 

0.5310 

0.6269 

0.8172 

0.9023 

1.0000 

Octanol (B) + 

0.0000 

0.1725 

0.2809 

0.4978 

0.6210 

0.7115 

0.8642 

0.9291 

1.0000 

(B) + 2-Ethoxyethanol (C) 

0.000727 

0.000932 

0.001136 

0.001584 

0.001853 

0.002086 

0.002562 

0.002751 

0.002921 

2-Ethoxyethanol (C) 

0.002160 

0.002502 

0.002695 

0.002903 

0.003015 

0.003085 

0.003131 

0.003102 

0.002921 
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Table IX. Continued. 

x sat 

1-Pentanol (B) + 2-Ethoxyethanol (C) 

0.0000 

0 . 1 1 7 1 

0 . 2 2 3 1 

0 . 4 2 2 5 

0 . 5 2 7 1 

0 . 6 2 4 7 

0 . 8 1 1 3 

0 . 9 0 4 2 

1.0000 

0 . 0 0 1 0 9 7 

0 . 0 0 1 3 0 9 

0 . 0 0 1 5 1 5 

0 . 0 0 1 8 9 7 

0 . 0 0 2 0 9 7 

0 . 0 0 2 2 9 7 

0 . 0 0 2 6 5 6 

0 . 0 0 2 8 3 9 

0 . 0 0 2 9 2 1 
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Table X. Experimental Mole Fraction Solubilities of 

Anthracene (x^at) in Binary Alcohol (B) + 

2-Propoxyethanol (C) Solvent Mixtures at 25°C 

x° xc 
vsat 
A 

1-Propanol (B) + 2-Propoxyethanol (C) 

0.0000 0.000591 

0.0709 0.000735 

0.1486 0.000900 

0.3066 0.001276 

0.3965 0.001502 

0.4950 0.001770 

0.7276 0.002482 

0.8745 0.002971 

1.0000 0.003343 
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T a b l e X. C o n t i n u e d . 

x ° x c v s a t 
A 

2-- P r o p a n o l (B) + 2 - P r o p o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 0 4 1 1 

0 . 0 6 9 6 0 . 0 0 0 5 4 1 

0 . 1 5 0 4 0 . 0 0 0 7 1 2 

0 . 3 0 9 9 0 . 0 0 1 1 1 5 

0 . 3 9 8 0 0 . 0 0 1 3 6 5 

0 . 5 0 7 1 0 . 0 0 1 6 9 6 

0 . 7 3 2 1 0 . 0 0 2 4 3 0 

0 . 8 7 2 9 0 . 0 0 2 9 1 8 

1 . 0 0 0 0 0 . 0 0 3 3 4 3 

1-- B u t a n o l (B) + 2 - P r o p o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 0 8 0 1 

0 . 0 8 2 9 0 . 0 0 0 9 6 9 

0 . 1 6 6 6 0 . 0 0 1 1 5 3 

0 . 3 4 0 8 0 . 0 0 1 5 4 9 

0 . 4 3 8 6 0 . 0 0 1 8 0 5 

0 . 5 4 5 8 0 . 0 0 2 0 7 8 

0 . 7 6 1 0 0 . 0 0 2 6 7 8 

0 . 8 7 1 7 0 . 0 0 3 0 1 2 

1 . 0 0 0 0 0 . 0 0 3 3 4 3 
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T a b l e X. C o n t i n u e d . 

x ° x c vsat 
A 

2 - B u t a n o l (B) + 2 - P r o p o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 0 5 8 5 

0 . 0 9 0 3 0 . 0 0 0 7 7 5 

0 . 1 7 4 3 0 . 0 0 0 9 6 3 

0 . 3 4 1 9 0 . 0 0 1 3 9 8 

0 . 4 3 6 4 0 . 0 0 1 6 5 9 

0 . 5 4 8 9 0 . 0 0 1 9 9 0 

0 . 7 6 1 3 0 . 0 0 2 6 1 7 

0 . 8 7 2 6 0 . 0 0 2 9 5 6 

1 . 0 0 0 0 0 . 0 0 3 3 4 3 

1 - P e n t a n o l (B) + 2 - P r o p o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 1 0 9 7 

0 . 1 0 3 8 0 . 0 0 1 3 2 0 

0 . 1 9 8 8 0 . 0 0 1 5 1 1 

0 . 3 9 2 4 0 . 0 0 1 9 3 0 

0 . 4 8 6 7 0 . 0 0 2 1 3 3 

0 . 5 8 8 1 0 . 0 0 2 3 5 2 

0 . 7 8 7 4 0 . 0 0 2 8 4 9 

0 . 8 8 8 3 0 . 0 0 3 0 9 5 

1 . 0 0 0 0 0 . 0 0 3 3 4 3 
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Table X. Continued. 

x) x sat 

2-Methyl-l-propanol (B) + 2-Propoxyethanol (C) 

0.0000 

0 . 0 7 7 7 

0 . 1 7 3 1 

0 . 3 0 2 1 

0 . 4 5 6 6 

0 . 5 5 1 4 

0 . 7 6 1 9 

0 . 8 9 2 0 

1.0000 

0 . 0 0 0 4 7 0 

0 . 0 0 0 6 1 6 

0 . 0 0 0 8 1 3 

0 . 0 0 1 1 2 3 

0 . 0 0 1 5 4 3 

0 . 0 0 1 8 1 5 

0 . 0 0 2 5 1 6 

0 . 0 0 3 0 2 7 

0 . 0 0 3 3 4 3 

3-Methyl-l-butanol (B) + 2-Propoxyethanol (C) 

0.0000 

0 . 1 0 0 6 

0 . 2 0 0 8 

0 . 3 8 7 6 

0 . 4 8 7 6 

0 . 5 8 7 9 

0 . 7 9 2 2 

0 . 9 0 6 9 

1.0000 

0 . 0 0 0 7 2 7 

0 . 0 0 0 9 2 7 

0 . 0 0 1 1 3 0 

0 . 0 0 1 5 6 0 

0 . 0 0 1 8 2 8 

0 . 0 0 2 0 9 2 

0 . 0 0 2 7 3 5 

0 . 0 0 3 0 8 0 

0 . 0 0 3 3 4 3 
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Table X. Continued. 

x° xc A
 

p>
 

ct
 

1-Octanol (B) + 2-Propoxyethanol (C) 

0.0000 0.002160 

0.1317 0.002510 

0.2656 0.002651 

0.4758 0.002885 

0.5803 0.003039 

0.6722 0.003168 

0.8438 0.003406 

0.9220 0.003487 

1.0000 0.003343 
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Table XI. Experimental Mole Fraction Solubilities of 

Anthracene (x||at) in Binary Alcohol (B) + 

2-Butoxyethanol (C) Solvent Mixtures at 25°C 

x° xc 
vsat 
A 

1-Propanol (B) + 2-Butoxyethanol (C) 

0.0000 0.000591 

0.0617 0.000742 

0.1239 0.000900 

0.2652 0.001311 

0.3642 0.001596 

0.4704 0.001948 

0.6914 0.002667 

0.8286 0.003151 

1.0000 0.003785 
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Table XI. Continued. 

x} x sat 

2-Propanol (B) + 2-Butoxyethanol (C) 

0.0000 0.000411 

0.0651 0.000566 

0.1286 0.000717 

0.2839 0.001162 

0.3707 0.001434 

0.4685 0.001739 

0.7016 0.002600 

0.8331 0.003142 

1.0000 0.003785 

1-Butanol (B) + 2-Butoxyethanol (C) 

0.0000 0.000801 

0.0713 0.000972 

0.1401 0.001136 

0.3125 0.001580 

0.3993 0.001834 

0.5233 0.002217 

0.7319 0.002873 

0.8588 0.003286 

1.0000 0.003785 
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T a b l e X I . C o n t i n u e d . 

rSat 

2 - B u t a n o l (B) + 2 -• B u t o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 0 5 8 5 

0 . 0 6 5 1 0 . 0 0 0 7 7 6 

0 . 1 2 8 6 0 . 0 0 0 9 6 3 

0 . 2 8 3 9 0 . 0 0 1 4 3 5 

0 . 3 7 0 7 0 . 0 0 1 7 3 8 

0 . 4 6 8 5 0 . 0 0 2 0 4 4 

0 . 7 0 1 6 0 . 0 0 2 7 7 3 

0 . 8 3 3 1 0 . 0 0 3 2 6 3 

1 . 0 0 0 0 0 . 0 0 3 7 8 5 

2 - M e t h y 1 - 1 - p r o p a n o l (B) + 2 - B u t o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 0 4 7 0 

0 . 0 7 1 0 0 . 0 0 0 6 2 4 

0 . 1 5 2 0 0 . 0 0 0 8 2 0 

0 . 3 0 5 9 0 . 0 0 1 2 4 6 

0 . 4 0 7 2 0 . 0 0 1 5 3 9 

0 . 5 1 7 1 0 . 0 0 1 9 0 1 

0 . 7 3 5 2 0 . 0 0 2 6 9 5 

0 . 8 6 8 3 0 . 0 0 3 2 2 7 

1 . 0 0 0 0 0 . 0 0 3 7 8 5 
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Table XI. Continued. 

x> x sat 

1-Pentanol (B) + 2-Butoxyethanol (C) 

0.0000 0.001097 

0.0891 0.001302 

0.1582 0.001468 

0.3558 0.001966 

0.4573 0.002230 

0.5288 0.002420 

0.7610 0.003054 

0.8791 0.003400 

1.0000 0.003785 

3-Methyl-l-butanol (B) + 2-Butoxyethanol (C) 

0.0000 0.000727 

0.0859 0.000918 

0.2374 0.001274 

0.3557 0.001592 

0.4512 0.001870 

0.5509 0.002141 

0.7650 0.002871 

0.8719 0.003267 

1.0000 0.003785 



Table XI. Continued. 
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x) X sat 

1-Octanol (B) + 2-Butoxyethanol (C) 

0.0000 0.002160 

0.1249 0.002403 

0.2353 0.002590 

0.4495 0.002950 

0.5522 0.003105 

0.6430 0.003266 

0.8222 0.003534 

0.9107 0.003661 

1.0000 0.003785 
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Table XII. Experimental Mole Fraction Solubilities of 

Anthracene (xj^at) in Binary Alcohol (B) + 

3-Methoxy-l-butanol (C) Solvent Mixtures at 25°C 

X° X C 
vsat 
A 

1-Propanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 0.000591 

0.0756 0.000724 

0.1453 0.000859 

0.3091 0.001200 

0.3996 0.001389 

0.4442 0.001483 

0.7246 0.002092 

0.8578 0.002382 

1.0000 0.002702 
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Table XII. Continued. 

, sat 

2-Propanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 0.000411 

0.0792 0.000570 

0.1492 0.000705 

0.3079 0.001053 

0.3921 0.001258 

0.5119 0.001529 

0.7182 0.002059 

0.8687 0.002408 

1.0000 0.002702 

1-Butanol (B) + 3-Methoxy-Butanol (C) 

0.0000 0.000801 

0.0869 0.000955 

0.1708 0.001113 

0.3534 0.001474 

0.4257 0.001596 

0.5384 0.001806 

0.7641 0.002220 

0.8660 0.002424 

1.0000 0.002702 
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Table XII. Continued. 

x> x sat 

2-Butanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 

0.0900 

0.1763 

0.3518 

0.4653 

0.5787 

0.7583 

0.8621 

1.0000 

0.000585 

0.000748 

0.000912 

0.001276 

0.001503 

0.001745 

0.002143 

0.002345 

0.002702 

1-Pentanol (B) + 3-Methoxy-butanol (C) 

0.0000 

0.1027 

0.1966 

0.4260 

0.4935 

0.5946 

0.8129 

0.8835 

1.0000 

0.001097 

0.001300 

0.001484 

0.001896 

0.001980 

0.002135 

0.002471 

0.002560 

0.002702 
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Table XII. Continued. 

,0 ,sat 

2-Pentanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 0.000800 

0.1016 0.000992 

0.1998 0.001184 

0.3826 0.001567 

0.4891 0.001778 

0.5970 0.001999 

0.7902 0.002373 

0.8873 0.002533 

1.0000 0.002702 

3-Methyl-1-butanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 0.000727 

0.1066 0.000920 

0.1951 0.001083 

0.3847 0.001456 

0.4925 0.001669 

0.5973 0.001890 

0.7843 0.002281 

0.8828 0.002454 

1.0000 0.002702 
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Table XII. Continued. 

x> ,sat 

4-Methyl-2-pentanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 

0.1207 

0.2089 

0.4263 

0.5282 

0.6035 

0.8069 

0.9032 

1.0000 

0.000779 

0.000970 

0.001124 

0.001537 

0.001775 

0.001937 

0.002335 

0.002531 

0.002702 

1-Octanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 

0.1499 

0.2591 

0.4806 

0.5817 

0.6730 

0.8426 

0.9182 

1.0000 

0.002160 

0.002400 

0.002518 

0.002692 

0.002747 

0.002786 

0.002779 

0.002749 

0.002702 
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Table XII. Continued. 

x sat 

2-Ethyl-l-hexanol (B) + 3-Methoxy-l-butanol (C) 

0.0000 0.001397 

0.1432 0.001586 

0.2603 0.001770 

0.4770 0.002118 

0.5773 0.002283 

0.6751 0.002414 

0.8432 0.002611 

0.9231 0.002662 

1.0000 0.002702 
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Table XIII. Experimental Mole Fraction Solubilities of 

Anthracene (x^at) in 2-Alkoxyethanol (B) + 

2-Alkoxyalcohol (C) Solvent Mixtures at 25°C 

x° xc 
vsat 
A 

2-Ethoxyethanol (B) + 2-Methoxyethanol (C) 

0.0000 0.002921 

0.1278 0.002912 

0.2399 0.002855 

0.4193 0.002724 

0.5530 0.002602 

0.6435 0.002524 

0.8294 0.002360 

0.9089 0.002286 

1.0000 0.002211 
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Table XIII. Continued. 

x 0 X sat 

2-Propoxyethanol (B) + 2-Methoxyethano1 (C) 

0.0000 0.003343 

0.1438 0.003307 

0.2675 0.003217 

0.4897 0.002978 

0.5937 0.002870 

0.6888 0.002715 

0.8322 0.002487 

0.9271 0.002330 

1.0000 0.002211 

2-Butoxyethanol (B) + 2 -Methoxyethano1 (c) 

0.0000 0.003785 

0.1522 0.003712 

0.2993 0.003564 

0.5147 0.003245 

0.6212 0.003060 

0.7149 0.002883 

0.8576 0.002554 

0.9433 0.002345 

1.0000 0.002211 



123 

Table XIII. Continued. 

x; x sat 

2-Propoxyethanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.003343 

0.1214 0.003373 

0.2314 0.003328 

0.4382 0.003241 

0.5204 0.003214 

0.6383 0.003206 

0.8191 0.003118 

0.9088 0.003060 

1.0000 0.002921 

2-Butoxyethanol (B) + 2-Ethoxyethanol (C) 

0.0000 0.003785 

0.1441 0.003808 

0.2516 0.003777 

0.4727 0.003601 

0.5748 0.003518 

0.6701 0.003405 

0.8387 0.003201 

0.9185 0.003073 

1.0000 0.002921 
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Table XIII. Continued. 

rsat 

2-Butoxyethanol (B) + 2-Propoxyethanol (C) 

0.0000 0.003785 

0.1103 0.003778 

0.2279 0.003743 

0.4345 0.003690 

0.5325 0.003619 

0.6371 0.003572 

0.8228 0.003479 

0.9163 0.003409 

1.0000 0.003343 
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D. Mathematical Representation Of Experimental Solubility 

Data In Binary Solvent Mixtures. 

In order to prove thermodynamic consistency of results 

it is necessary, in theory at least, to find a mathematical 

representation of ternary nonelectrolyte systems that obey 

the Gibbs-Duhem equation. Fortunately, expressions for 

predicting the thermodynamic properties of ternary 

nonelectrolyte systems have served as the point of departure 

for mathematical representation of experimental excess molar 

Gibbs energy, excess molar heat capacity, excess molar 

enthalpy and excess molar volume data. Differences between 

predicted and observed values are expressed as 

/ 7E \0bs _ /7E * calc _ v V V r> 
' ABC* ^ABC' ~ A B XC *ABC 

Equation 3.5 

with Q-functions of varying complexity. For most systems 

encountered, the experimental data can be adequately 

represented by a Redlich-Kister type power series expansion 

QABC = ^ABC + ^ ®A*B^ <XA ~ XB) ̂  ^ ® A ^ ( X A ~ Xc) ̂  + 

S BB(Ck) (XB - xc)k 

Equation 3.6 

though rarely are experimental data determined with 

sufficient precision to justify more than a few parameters. 
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Conceptually, these ideas can be extended to solute 

solubilities in binary solvent mixtures, however, there has 

never been up until recently a sufficiently large solid 

solute solubility data base to warrant computerized storage 

in equational form. With computerized data storage and 

retrieval becoming increasingly popular, it seems 

appropriate to discuss the various mathematical expressions 

that have been proposed in the chemical literature for 

describing the variation of solute solubility with binary 

solvent composition. Mathematical representations provide 

not only a means to screen experimental data sets for 

possible outliers in need of redetermination, but also 

facilitate interpolation at solvent compositions falling 

between measured data points. 

Acree and coworkers2"4 suggested possible mathematical 

representations for isothermal solubility data in binary 

solvent mixtures based upon either a Combined Nearly Ideal 

Binary Solvent (NIBS)/Redlich-Kister model 

In Xjfat = x°ln(xA
sat)B + x°ln(xA

sat)c + x° x° 2 Si (x° - x°)
i 

Equation 3.7 

or Modified Wilson equation4 

ln[aA
solid/xA

sat] = 1 - x°{l -In [aA
solid/ (xA

sat)B] }/(xB°+x° A
ad:>) 

- xc° {1 -In [aA
solid/(xA

sat)c]>/(x^ A
ad3 + x°) 

Equation 3.8 
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where the various Si and A*jd3 "curve-fit" parameters can be 

evaluated via least squares analysis. Both expressions can 

be derived from published solution models that assume either 

two-body and/or three-body interactions between molecules in 

the fluid solution. In eqns. 3.7 and 3.8, Xg and x<? refer 

to the initial mole fraction composition of the binary 

solvent calculated as if the solute were not present, a^f011*3 

is the activity of the solid solute, and (x^at)^ is the 

saturated mole fraction solubility of the solute in pure 

solvent i. The numerical value of agolxd = 0.13125 and 

aA°lid = 0.01049® used in the Modified Wilson computations 

for pyrene and anthracene, respectively, were calculated 

from the molar enthalpy of fusion, AH^US, at the normal 

melting point temperature of the solute, Tmp/K. 

The ability of eqns. 3.7 and 3.8 to represent 

mathematically the experimental solubility of pyrene in the 

39 binary alcohol + alcohol and anthracene in the 48 alcohol 

+ alkoxyalcohol solvent systems is summarized in Tables XIV 

and XV for pyrene and Tables XVI and XVII for anthracene in 

the form of "curve-fit" parameters and per cent deviations 

in back-calculated solubilities. The parameters were 

computed from a polynomial least squares analysis of 
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Table XIV. Mathematical Representation of Pyrene 

Solubilities in Several Binary Alcohol (B) + 

Alcohol (C) Solvent Mixtures. 

Binary Solvent System Eon. 3.7 

Component (B) + Component (C) S ^ % Dev.b 

1-Butanol + 1-Octanol 0.676 0.2 

0.314 

0.221 

2-Butanol + 1-Octanol 0.891 0.4 

0.519 

0.143 

2-Butanol + 1-Butanol 0.007 0.3 

- 0.011 

0.326 

2-Butanol + 2-Methyl-l-propanol 0.052 0.1 

0.092 

0.206 

3-Methyl-l-butanol + 2-Methyl-l-propanol 0.259 0.5 

0.072 

0.206 
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129 

Binary Solvent System 

Component (B) + Component (C) 

Ean. 3.7 

Sia % Dev.b 

3-Methyl-l-butanol + 1-Butanol 

1-Propanol + 2-Ethyl-l-hexanol 

2-Propanol + 2-Ethyl-l-hexanol 

1-Butanol + 2-Ethyl-l-hexanol 

2-Butanol + 2-Ethyl-l-hexanol 

2-Methyl-l-propanol + 2-Ethyl-l-hexanol 

3-Methyl-l-butanol + 2-Ethyl-l-hexanol 

1-Octanol + 2-Ethyl-l-hexanol 

0.003 

0.085 

0.171 

0.500 

0.300 

0.696 

0.573 

0.274 

0.048 

0.152 

0.291 

0.486 

0.594 

0.405 

0.024 

0.139 

0.252 

0.094 

0.3 

0.5 

0.3 

0.4 

0.3 

0.6 

0.4 

0.3 
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TABLE XIV. Continued. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) S ^ % Dev.b 

1-Octanol + 2-Ethyl-l-hexanol - 0.094 0.3 

1-Propanol + Cyclohexanol 0.340 0.5 

0.104 

0.153 

2-Propanol + Cyclohexanol 0.489 0.8 

0.139 

0.178 

1-Butanol + Cyclohexanol 0.176 0.3 

0.053 

2-Butanol + Cyclohexanol 0.284 0.4 

0.100 

0.277 

2-Methyl-l-propanol + Cyclohexanol 0.191 0.6 

0.128 

0.114 

1-Propanol + 1-Pentanol 0.309 0.4 

0.074 

- 0.205 
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TABLE XIV. Continued. 

Binary Solvent System Eqn. 3.7 

Component (B) + Component (C) S ^ % Dev.b 

2-Propanol + 1-Pentanol 0.510 0.6 

0.012 

1-Butanol + 1-Pentanol 0.148 0.4 

- 0.042 

0.157 

2-Butanol + 1-Pentanol 0.144 0.5 

2-Methyl-l-propanol + 1-Pentanol 0.359 0.4 

0.077 

2-Pentanol + 1-Pentanol 0.062 0.4 

0. 000 

0.131 

3-Methyl-l-butanol + 1-Pentanol 0.074 0.2 

0.024 
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TABLE XIV. Continued. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) Sj^ % Dev.b 

1-Propanol + 2-Methyl-l-pentanol 0.248 0.3 

0.174 

0.190 

2-Propanol + 2-Methyl-l-pentanol 0.524 0.5 

0.287 

1-Butanol + 2-Methyl-l-pentanol 0.019 0.4 

0. 054 

0.221 

2-Butanol + 2-Methyl-l-pentanol 0.153 0.6 

0.133 

0.407 

2-Methyl-l-propanol + 2-Methyl-l-pentanol 0.345 0.4 

0.143 

1-Octanol + 2-Methyl-l-pentanol 0.209 0.3 

- 0.093 

0.298 

1-Propanol + 2-Methyl-2-butanol - 0.079 0.4 
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TABLE XIV. Continued. 

Binary Solvent System Eon. 3.7 

Component (B) + Component (C) Si
a % Dev.b 

2-Propanol + 2-Methyl-2-butanol 0. 131 0. 3 

0. 019 

- 0. 069 

1-Butanol + 2-Methyl-2-butanol 0. 000 0. 3 

2-Me thy 1-1--propanol + 2-Methyl-2-butanol - 0. 026 0. 5 

- 0. 073 

1-Pentanol + 2-Methyl-2-butanol 0. 115 0. 4 

0. 058 

0. 145 

2-Pentanol + 2-Methyl-2-butanol - 0. 013 0. 1 

3-Methyl-l' -butanol + 2-Methyl-2-butanol 0. 000 0. 4 

4-Methyl-2' -pentanol + 2-Methy1-2-butanol 0. 062 0. 2 

a Combined NIBS/Redlich-Kister curve-fit parameters are 

ordered as S0, Sx and S2. No curve-fit parameters were 

required in the case of the 1-butanol + 2-methyl-2-butanol 

and 3-methyl-1-butanol + 2-methyl-2-butanol systems. 

b Deviation (%) = (100/N) 2 | [(x^at)calc ~(x|at)exp] 

/ ( x s a t )
e x p | # 
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Table XV. Mathematical Representation of Pyrene Solubilities 

in Several Binary Alcohol (B) + Alcohol (C) 

Solvent Mixtures. 

Binary Solvent System Eqn. 3.8 

Component (B) + Component (C) A ^ , a % Dev.b 

1-Butanol + 1-Octanol 1.823 0.7 

0.555 

2-Butanol + 1-Octanol 1.843 1.4 

0.545 

2-Butanol + 1-Butanol 0.565 0.8 

2 . 0 0 2 

2-Butanol + 2-Methyl-l-propanol 2.128 0.4 

0.528 

3-Methyl-l-butanol + 2-Methyl-l-

propanol 1.293 0.5 

0.904 

3-Methyl-l-butanol + 1-Butanol 1.263 0.6 

0.788 
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Table XV. Continued. 

Binary Solvent System Ean. 3.8 

Component (B) + Component (C) A ^ , c % Dev.b 

1-Propanol + 2-Ethyl-l-hexanol 1.669 1.0 

0.597 

2-Propanol + 2-Ethyl-l-hexanol 1.825 2.6 

0.541 

1-Butanol + 2-Ethyl-l-hexanol 1.145 1.0 

0.873 

2-Butanol + 2-Ethyl-l-hexanol 1.973 0.2 

0.425 

2-Methyl-l-propanol + 2-Ethyl-l-hexanol 1.609 1.6 

0.617 

3-Methyl-1-butanol + 2-Ethyl-l-hexanol 

1.089 1.0 

0.917 

1-Octanol + 2-Ethyl-l-hexanol 2.105 0.2 

0.585 
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Table XV. Continued. 

Binary Solvent System Eon. 3.8 

Component (B) + Component (C) A ^ , a % Dev.b 

1-Propanol + Cyclohexanol 1.550 0.5 

0.651 

2-Propanol + Cyclohexanol 1.318 0.5 

0.854 

1-Butanol + Cyclohexanol 1.434 0.3 

0.709 

2-Butanol + Cyclohexanol 1.436 0.7 

0.712 

2-Methyl-l-propanol + Cyclohexanol 1.144 0.7 

0.912 
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Table XV. Continued. 

Binary Solvent System Eqn. 3.8 

Component (B) + Component (C) A*jd3,a % Dev.b 

1-Propanol + 1-Pentanol 1.724 0.8 

0.535 

2-Propanol + l-Pentanol 1.434 0.3 

0.738 

1-Butanol + 1-Pentanol 1.231 0.4 

0.854 

2-Butanol + 1-Pentanol 1.347 0.4 

0.709 

2-Methyl-1-propanol + 1-Pentanol 1.492 0.4 

0.651 

2-Pentanol + 1-Pentanol 1.289 0.4 

0.767 

3-Methyl-1-butanol + 1-Pentanol 1.231 0.2 

0.796 
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Table XV. Continued. 

Binary Solvent System Eqn. 3.8 

Component (B) + Component (C) Aj^'3 % Dev.b 

1-Propanol + 2-Methyl-l-pentanol 1.626 0.8 

0.614 

2-Propanol + 2-Methyl-l-pentanol 1.654 0.7 

0.615 

1-Butanol + 2-Methyl-l-pentanol 1.182 0.5 

0.849 

2-Butanol + 2-Methyl-l-pentanol 1.469 0.9 

0 .682 

2-Methyl-l-propanol + 2-Methyl-l-pentanol 

1.475 0.7 

0.675 

1-Octanol + 2-Methyl-l-pentanol 1.031 0.6 

1.169 
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Table XV. Continued. 

Binary Solvent System Eqn. 3.8 

Component (B) + Component (C) A*jd3'a % Dev.b 

1-Propanol + 2-Methyl-2-butanol 1.347 0.3 

0.680 

2-Propanol + 2-Methyl-2-butanol 1.115 0.3 

0.912 

1-Butanol + 2-Methyl-2-butanol 2.768 0.3 

0.361 

2-Methyl-1-propanol + 2-Methyl-2-butanol 

1.173 0.4 

0.796 

1-Pentanol + 2-Methyl-2-butanol 1.463 0.6 

0.796 

2-Pentanol + 2-Methyl-2-butanol 2.594 0.1 

0.390 

3-Methyl-l-butanol + 2-Methyl-2-butanol 

1.028 0.4 

0.970 
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Table XV. Continued. 

Binary Solvent System Eqn. 3.8 

Component (B) + Component (C) Aajd3,a % Dev.b 

4-Methy1-2-pentano1 + 2-Methyl-2-butano1 

0.651 0.2 

1.579 

a Adjustable parameters for the Modified Wilson equation are 

ordered as and . 

b Deviation (%) = (100/N) S | [(x|at)calc -(xjfat)exP] 

/ ( xsat)
exp ^ 
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Table XVI. Mathematical Representation of Anthracene 

Solubilities in Several Binary Alcohol (B) + 

2-Alkoxyethanol (C) Solvent Mixtures. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) Sj:a % Dev.b 

1-Propanol + 2-Methoxyethanol 0.900 0.4 

0.343 

2-Propanol + 2-Methoxyethanol 1.218 0.6 

0.584 

0.216 

1-Butanol + 2-Methoxyethanol 0.855 0.2 

0.220 

2-Butanol + 2-Methoxyethanol 1.148 0.7 

0.401 

2-Methyl-l-propanol + 2-Methoxyethanol 1.115 0.5 

0.313 

3-Methyl-l-butanol + 2-Methoxyethanol 0.872 0.2 

0.092 

1-Pentanol + 2-Methoxyethanol 0.841 0.9 

0.159 



142 

Table XVI. Continued. 

Binary Solvent System Ecrn. 3.7 

Component (B) + Component (C) Si
a % Dev.b 

1-Octanol + 2-Methoxyethanol 1.114 0.8 

- 0.417 

1-propanol + 2-Ethoxyethanol 0.955 0.3 

0.163 

0.276 

2-Propanol + 2-Ethoxyethanol 1.305 0.9 

0.323 

1-Butanol + 2-Ethoxyethanol 0.668 0.7 

- 0.067 

0. 355 

2-Butanol + 2-Ethoxyethanol 1.032 0.4 

0.120 

0.310 

2-Methyl-l-propanol + 2-Ethoxyethanol 1.047 0.5 

0.120 

0.475 
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Table XVI. Continued. 

Binary Solvent System Eon. 3.7 

Component (B) + Component (C) Si
a % Dev.b 

1-Pentanol + 2-Ethoxyethanol 0.528 0.4 

- 0.043 

0.226 

1-Octanol + 2-Ethoxyethanol 0.552 0.8 

- 0.161 

0.642 

3-Methyl-l-butanol + 2-Ethoxyethanol 0.776 0.4 

- 0.012 

0.102 

1-Propanol + 2-Propoxyethanol 0.952 0.1 

0.294 

0.309 

2-Propanol + 2-Propoxyethanol 1.419 0.1 

0.477 

0.201 

1-Butanol + 2-Propoxyethanol 0.715 0.3 

0.154 

0.166 
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Table XVI. Continued. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) Si
a % Dev.b 

2-Butanol + 2-Propoxyethanol 1.098 0.2 

0.364 

0.125 

1-Pentanol + 2-Propoxyethanol 0.478 0.2 

0.157 

0.205 

2-Methyl-l-propanol + 2-Propoxyethanol 1.120 0.5 

0.294 

0.391 

3-Methyl-l-butanol + 2-Propoxyethanol 0.689 0.3 

0.152 

0.246 

1-Octanol + 2-Propoxyethanol 0.296 0.6 

- 0.020 

0.952 
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Table XVI. Continued. 

Binary Solvent System Ecrn. 3.7 

Component (B) + Component (C) Si
a % Dev.b 

1-Propanol + 2-Butoxyethanol 1.222 0.3 

0.572 

0.255 

2-Propanol + 2-Butoxyethanol 1.550 0.6 

0.790 

0.726 

1-Butanol + 2-Butoxyethanol 0.800 0.5 

0.319 

0.185 

2-Butanol + 2-Butoxyethanol 1.155 0.3 

0.609 

0.267 

2-Methyl-l-Propanol + 2-Butoxyethanol 1.292 0.2 

0.606 

0.316 

1-Pentanol + 2-Butoxyethanol 0.561 0.1 

0.223 
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Table XVI. Continued. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) S ^ % Dev.b 

3-Methyl-l-butanol + 2-Butoxyethanol 0.742 0.3 

0.346 

0.177 

1-Octanol + 2-Butoxyethanol 0.231 0.1 

0.075 

0.065 

1-Propanol + 3-Methoxy-l-butanol 0.973 0.2 

0.344 

2-Propanol + 3-Methoxy-l-butanol 1.405 0.8 

0.669 

0.533 

1-Butanol + 3-Methoxy-l-butanol 0.667 0.3 

0.284 

2-Butanol + 3-Methoxy-l-butanol 0.929 0.4 

0.444 
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Binary Solvent System 

Component (B) + Component (C) 

Eqn. 3.7 

% Dev.b 

1-Pentanol + 3-Methoxy-l-butanol 

2-Pentanol + 3-Methoxy-l-butanol 

3-Methyl-l-butanol + 3-Methoxy-l-butanol 

4-Methyl-2-pentanol + 3-Methoxy-l-butanol 

1-Octanol + 3-Methoxy-l-butanol 

2-Ethyl-l-hexanol + 3-Methoxy-l-butanol 

2-Ethoxyethanol + 2-Methoxyethanol 

2-Propoxyethanol + 2-Methoxyethanol 

2-Butoxyethanol + 2-Methoxyethanol 

0.600 

0.222 

0.118 

0.818 

0.161 

0.079 

0.766 

0.253 

0.644 

0.475 

0.423 

0.167 

0.069 

0.185 

0.116 

0. 361 

0.515 

0.5 

0.2 

0.6 

0.4 

0.4 

0.2 

0.2 

0.3 

0.4 
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Table XVI. Continued. 

Binary Solvent System Ean. 3.7 

Component (B) + Component (C) Sj3 % Dev.b 

2-Propoxyethanol + 2-Ethoxyethanol 0.122 0.2 

- 0.089 

0.306 

2-Butoxyethanol + 2-Propoxyethanol 0.327 0.5 

2-Butoxyethanol + 2-Propoxyethanol 0.111 0.2 

a Combined NIBS/Redlich-Kister curve-fit parameters are 

ordered as S0, Ŝ^ and S2. 

b Deviation (%) = (100/N) 2 | [(xj^)0310 ~(x|at)exp] 

/(x| a t)^ |. 
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Table XVII. Mathematical Representation of Anthracene 

Solubilities in Several Binary Alcohol (B) + 

2-Alkoxyalcohol (C) Solvent Mixtures. 

Binary Solvent System Ecrn. 3.8 

Component (B) + Component (C) % Dev.b 

1-Propanol + 2-Methoxyethanol 2.100 0.3 

0.424 

2-Propanol + 2-Methoxyethanol 2.130 0.6 

0.469 

1-Butanol + 2-Methoxyethanol 1.704 0.2 

1.050 

2-Butanol + 2-Methoxyethanol 1.803 0.8 

0.149 

2-Methyl-l-propanol + 2-Methoxyethanol 1.730 0.4 

0.920 

3-Methyl-l-butanol + 2-Methoxyethanol 1.478 0.2 

1.499 

1-Pentanol + 2-Methoxyethanol 1.694 0.9 

1. 317 

1-Octanol + 2-Methoxyethanol 1.991 0.4 

3.842 
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Table XVII. Continued. 

Binary Solvent System Ecrn. 3.8 

Component (B) + Component (C) % Dev.1 

1-Propanol + 2-Ethoxyethanol 1.614 0.6 

1.440 

2-Propanol + 2-Ethoxyethanol 1.743 0.4 

1.181 

1-Butanol + 2-Ethoxyethanol 1.377 l.o 

2.329 

2-Butanol + 2-Ethoxyethanol 1.615 0.5 

1.870 

1-Pentanol + 2-Ethoxyethanol 1.367 0.6 

1.774 

1-Octanol + 1-Pentanol 1.892 1.2 

3.188 

2-Methyl-l-propanol + 2-Ethoxyethanol 1.704 l.o 

0.960 

3-Methyl-l-butanol + 2-Ethoxyethanol 1.407 0.3 

2.415 

1-Propanol + 2-Propoxyethanol 1.803 0.6 

0.565 
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Table XVII. Continued. 

Binary Solvent System Ean. 3.8 

Component (B) + Component (C) % Dev.b 

2-Propanol + 2-Propoxyethanol 1.981 0.1 

0.694 

1-Butanol + 2-Propoxyethanol 1.694 0.4 

0.568 

2-Butanol + 2-Propoxyethanol 1.914 0.2 

0.554 

1-Pentanol + 2-Propoxyethanol 1.585 0.6 

0.655 

1-Octanol + 2-Propoxyethanol 1.176 1.7 

11.470 

2-Methyl-1-propanol + 2-Propoxyethanol 1.852 0.6 

0.512 

3-Methyl-l-Butanol + 2-Propoxyethanol 1.585 0.7 

0.694 

1-Propanol + 2-Butoxyethanol 2.020 0.8 

0.536 

2-Propanol + 2-Butoxyethanol 2.189 1.4 

0.444 
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Table XVII. Continued. 

Binary Solvent System Ean. 3.8 

Component (B) + Component (C) % Dev.b 

1-Butanol + 2-Butoxyethanol 1.694 0.6 

2.669 

2-Butanol + 2-Butoxyethanol 1.917 1.3 

0.577 

1-Pentanol + 2-Butoxyethanol 1.595 0.5 

0.549 

1-Octanol + 2-Butoxyethanol 1.555 0.2 

0.618 

2-Methyl-1-propanol + 2-Butoxyethanol 1.921 1.2 

0.460 

3-Methyl-l-butanol + 1-Butoxyethanol 1.615 1.0 

1.335 

1-Propanol + 3-Methoxy-l-butanol 1.956 0.3 

0.477 

2-Propanol + 3-Methoxy-l-butanol 2.217 0.7 

0.506 

1-Butanol + 3-Methoxy-l-butanol 1.753 0.7 

0. 593 
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Table XVII. Continued. 

Binary Solvent System Ean. 3.8 

Component (B) + Component (C) A£jd*'a % Dev.b 

2-Butanol + 3-Methoxy-l-butanol 1.840 0.9 

0.564 

1-Pentanol + 3-Methoxy-l-butanol 2.188 0.4 

0.390 

2-Pentanol + 3-Methoxy-l-butanol 1.608 0.2 

1.289 

1-Octanol + 3-Methoxy-l-butanol 1.666 0.5 

1.695 

3-Methyl-1-butanol + 3-Methoxy-l-butanol 

1.811 0.5 

0.535 

4-Methyl-2-pentanol + 3-Methoxy-l-butanol 

1.318 0.4 

1.753 

2-Ethyl-l-hexanol + 3-Methoxy-l-butanol 1.115 0.4 

2.449 
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Table XVII. Continued. 

Binary Solvent System Ean. 3.8 

Component (B) + Component (C) A®jd^,a % Dev.b 

2-Ethoxyethanol + 2-Methoxyethanol 2.565 0.1 

0.880 

2-Propoxyethanol + 2-Methoxyethanol 2.855 0.2 

1.463 

2-Butoxyethanol + 2-Methoxyethanol 3.980 0.6 

2.340 

2-Propoxyethanol + 2-Ethoxyethanol 0.429 0.7 

2.980 

2-Butoxyethanol + 2-Ethoxyethanol 9.946 0.5 

2.572 

2-Butoxyethanol + 2-Propoxyethanol 3.852 0.2 

1.688 

a Adjustable parameters for the Modified Wilson equation are 

ordered as A ^ a n d 

b Deviation (%) = (100/N) 2 | [(x|at)calc -(x|at)exP] 

/(xsatjexp 
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[In xA
sat - xB° In (xA

sat)B - xc° In (xA
sat)c]/ (xB° x°) 

= Sq + Sx (Xg* — Xj?) + S2 (Xg5 — Xj?) 2 

Equation 3.9 

using the commercial software TableCurve (Jandel Scientific, 

Corte Madera, California). 

In the case of the Modified Wilson equation the two 

curve-fit parameters were determined an "inhouse" computer 

program written by Anita Zvaigzne7. Briefly, the program 

calculated the mole fraction solubility of pyrene at each of 

the seven different binary solvent compositions studied 

using pre-selected values for AB
a<?3 and A<f^. values for 

both Ajf^ and A^3 were initially set at 0.100. Each 

subsequent calculation increased one of the parameters by a 

0.003 increment. The program selected every possible set of 

parameters between the ordered pairs of (Ajf^ = 0.100, Ac
a^ 

= 0.100) and (A^i = 10.000, A ^ = 10.000) that differed by 

the preset distance. The ordered pair that gave the lowest 

average absolute deviation was taken as the "optimized" 

values listed in Tables XIV and XVI for pyrene and 

anthracene respectively. The alternative criterion of 

"goodness-of-fit" of lowest root mean square (rms) 

deviation, where 

rms = [SXA
calc - XA

exP)2/N]1/2 

Equation 3.10 
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gave essentially identical numerical values for both 

Modified Wilson parameters. Careful examination of Tables 

XIV and XVI reveals that the Combined NIBS/Redlich-Kister 

equation provided the better mathematical representation for 

how the measured solubility varied with solvent composition. 

For the 39 pyrene systems and 48 anthracene systems studied 

the overall average absolute standard deviation between 

experimental and calculated values was 0.39 % and 0.36 % for 

pyrene and anthracene respectively, which is less than the 

experimental uncertainty. Slightly larger deviations were 

noted in the case of the Modified Wilson equation. 

The low deviations noted in both the Combined 

NIBS/Redlich-Kister and Modified Wilson mathematical 

representations indicate that the experimental data is 

thermodynamically consistent as both expressions obey the 

Gibbs-Duhem equations. 

ACID-BASE INDICATOR STUDIES 

A. An application of Mobile Order theory 

Mobile Order theory has not been extended to the point 

where it can be applied to pH indicators since there are not 

sufficient studies and experimental data at the present time 

on multiple solutes dissolved in alcohol + water systems. 

In describing the acid-base properties of indicators; Mobile 

Order theory would need to thermodynamically describe the 

chemical potential of three dissolved solutes: the 
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"hydrogen" ion, the protonated form and the unprotonated 

forms of the indicator. Here, the "hydrogen ion" is placed 

in quotation marks because two protonated forms of the 

solvent exist in solution. 

For a single component solvent such as water 

2H20 1* H30
+ + OH Kw = (aH3o+

 aOH") / (aH2o)2 

or methanol 

2CH3OH ** CH3OH2
+ + CH3O ^MeOH = (aSH2+aS-) / (aSH)2 

only a single protonated species appears in the 

autoprotolysis constant. The methonium (CH3OH2
+) and 

methoxide (CH30~) ions are abbreviated as SH2
+ + S~, 

respectively, in the general solvent dissociation scheme of 

2SH ** SH2
+ + S~. In the case of a binary methanol + water 

mixture, both dissociation steps do occur and the 

corresponding autoprotolysis constant is defined as 

K auto (aH30+ + aSH2 + ) (aOH- + aS-)/(aH20 + aSH) 

by the International Union of Pure and Applied Chemistry 

(IUPAC)8. 

The indicator data measured as part of the dissertation 

research will allow possible extensions of Mobile Order 

theory to ionic solutions to be tested as soon as the model 

is critically evaluated with multiple non—electrolyte 
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solutes dissolved in binary aqueous-organic solvents. 

B. Materials 

Methanol (Aldrich, HPLC Grade), acetonitrile (Aldrich, 

HPLC Grade), and potassium hydrogen phthalate (Matheson 

Coleman & Bell, A.C.S reagent) were used as received. 

Doubly de-ionized water was used in all mixture 

preparations, as well as for the neat aqueous solvent. 

Bromophenol blue (Matheson Coleman & Bell), methyl red 

(Fisher Scientific Co., Certified A.C.S.), phenolphthalein 

(Fisher Scientific Co., Certified A.C.S.), and thymol blue 

(Aldrich, A.C.S.) were also used as received. 

The indicator solutions were prepared by adding a 

"smidge" of an indicator to 3 mis of sodium hydroxide and 27 

mis of distilled water. At each drop-wise addition, the 

potentials were determined experimentally with a combination 

glass-saturated calomel electrode, which had been previously 

standardized versus a 0.05 M potassium hydrogen phthalate 

(KHPh) aqueous-organic reference buffer solution9"17. In 

the case of the mixed aqueous-methanol system a 0.05 molal 

KHPh buffer solution was prepared in the mixed solvent. It 

has a pH of 5.131 at 25° C9. 

C. pH Measurements in Nonaqueous or Aqueous-Organic 

Solvents 

Water has an autoprotolysis constant of Kw = 10
-14 and 
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hence a pH range from 0-14, but nonaqueous solvents or mixed 

aqueous-organic solvents have pH ranges that may be larger 

or smaller than the normal 0-14 range9"13. For example, the 

pH range of methanol with an autoprotolysis constant of Ks = 

10~16,7 is 0-16.7 and acetonitrile has an autoprotolysis 

constant of Ks = io~
28-6 and a pH range of 0-28.614"19. 

Concomitantly, various binary mixtures of water/methanol 

would have pH ranges somewhere in between 0-16.7. 

Fortunately, it is not necessary to know the 

autoprotolysis constant or the pH ranges for mixed aqueous-

organic solvents as the "operational" pH can be calculated 

directly via 

PHX = pHg - (Ex - Es )/ S 

Equation 3.11 

where pHx is the pH of the sample (x), pHs is the pH of the 

standard(s), Ex the millivolt value of the sample as read by 

the pH meter, Es the millivolt value of the standard as read 

by the pH meter, and S the slope, normally 59.16 mV/pH unit 

at 25° C. The millivolt setting is used because a greater 

than the normal pH range may be encountered. 

D. Spectroscopic Determination of pKHIn 

The premise of this part of the research relies on the 

principle that by judicious wavelength selection, it might 
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be possible to select a wavelength where only one form of 

the indicator absorbs radiation. Recalling from the Beer-

Lambert law that the absorbance is directly proportional to 

the concentration of the light absorbing chromophore, the 

measured absorbance will be one-half its' maximum value 

whenever half of the indicator exists in either the 

protonated or the unprotonated form. If wavelength 

selection is not possible, then it would be possible to 

calculate one half AA from the maximum of the sigmoidal 

curve, corresponding to the indicator in say, the acid form 

and the minimum, corresponding to the indicator in the basic 

form. 

A systematic investigation of pH indicator behavior 

from Table XVIII in mixed aqueous-organic solvents was 

performed. Spectral color transitions were determined by 

both visual observation and recording the absorption spectra 

an HP 8452A on linear photodiode array (LPDA) 

spectrophotometer after incremental drop-wise addition (via 

a Pasteur pipette) of the relevant acid (0.01 M HC1) or base 

(0.01 M NaOH) prepared in the mixed aqueous-organic solvent 

of interest so as to maintain a constant solvent 

composition. Each curve, figures l, 3, 5 and 7 represent a 

single scan after the addition of one or two drops via a 

pasteur pipette of the appropriate acid or base. 

The equilibrium between the acid form and the basic 
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Table XVIII. Select Acid-Base Indicators 

Indicator Transition Range Acid color Base color 

Bromophenol 6.0-7.6 Yellow Blue 

Blue 

Methyl Red 4.8-6.0 Red Yellow 

Phenolphthalein 8.0-9.6 Colorless Red 

Thymol Blue 1.2-2.8 Red Yellow 
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form of an indicator20-34 can be generically represented by 

HIn"1 = H+ + In2" 

Equation 3.12 

and the equilibrium constant 

K a ~ aH+ aIn2- / aHIn-

Equation 3.13 

By converting to the logarithmic form and rearranging 

terms yields 

pH = pKa + log aIn2_ / aHln_ 

Equation 3.14 

Since activity is directly related to concentration by the 

activity coefficient this expression can be rewritten as 

pH = pKa + log [In
2-]/[HIn-] + log yIn2_/yHm-

Equation 3.15 

The ratio of the activity coefficients may be incorporated 

into the equilibrium constant to give 

pH = pK'a + log [In
2-]/[HIn"] 
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pH = pK'a + log [In
2-]/[HIn~] 

Equation 3.16 

where pK'a is an apparent indicator constant
18. By careful 

inspection of equation 3.16, when the indicator is 50 % 

protonated and 50 % unprotonated then it follows that pH = 

P Km-

The experimental data were plotted as graphs of A 

versus pH18, expressed as a millivolt reading, Tables XIX-

XXII. Unless otherwise noted, binary solvent compositions 

refer to mass percentages. The value(s) of the mVolts at 

half maximum absorbance(s) was obtained from the smoothed 

sigmoidal curve(s), i.e. Ex was substituted into Equation 

3.11. Solving for pHx, since the ESf mVolts reading of the 

standard is known, yields the pKIn as pHx = pKIn. The 

corresponding pH value was calculated by substituting the 

millivolt potential reading into equation 3.11. As noted 

earlier, this pH value corresponds to pKIn,. For most acid-

base indicators, the color transition occurs somewhere 

between pH = pKIn. - 1 to pH = pKIn> + 1. 
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Table XIX. The Absorbance of Bromophenol Blue in 

64 % Methanol + 36 % Water at 594 nm. 

Drops of HC1 mV Color Absorbance 

0 -026 blue 2.2222 

+2 -013 blue 2.2490 

+2 +021 blue 2.2060 

+2 +067 blue 2.0540 

+2 +129 green 1.0220 

+2 +154 green 0.4724 

+2 +160 green 0.3813 

+2 +170 green 0.2789 

+2 +180 green 0.2153 

+2 +187 green 0.1616 

+2 +192 green/yellow 0.1384 

+2 +196 green/yellow 0.1150 

+2 +201 yellow 0.1072 

+2 +204 yellow 0.0956 

+2 +209 yellow 0.0804 

+2 +214 yellow 0.0669 

+2 +225 yellow 0.0600 

+2 +240 yellow 0.0599 

+2 +250 yellow 0.0599 
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Table XX. The Absorbance of Bromophenol Blue in 

50 % Methanol + 50 % Water at 594 nm. 

Drops of HC1 mV Color Absorbance 

0 -059 purple 0.3564 

+1 -039 blue 0.3538 

+1 -021 blue 0.3041 

+1 +006 green/blue 0.1637 

+1 +029 pale green 0.0856 

+1 +042 pale green 0.0483 

+1 +045 pale green 0.0324 

+1 +052 green/yellow 0.0285 

+1 +055 green/yellow 0.0194 

+1 +060 yellow/green 0.0159 

+1 +064 yellow/green 0.0110 

+1 +066 yellow 0.0081 

+1 +068 yellow 0.0069 

+1 +080 yellow 0.0068 



166 

Table XXI. The Absorbance of Bromophenol Blue in 

20 % Methanol + 80 % Water at 594 nm. 

Drops of HC1 mV Color Absorbance 

0 +042 blue 1.7700 

+1 +064 blue 1.7820 

+1 +076 blue 1.7660 

+1 +089 blue 1.7280 

+1 +116 blue 1.6490 

+1 +160 green 1.2870 

+1 +177 blue/green 0.9796 

+1 +197 green 0.6277 

+1 +203 green 0.5320 

+1 +208 green 0.4508 

+2 +214 green 0.3472 

+2 +218 green 0.2796 

+2 +223 green 0.2361 

+2 +227 green/yellow 0.2004 

+2 +228 green/yellow 0.1764 

+2 +231 green/yellow 0.1533 

+2 +233 green/yellow 0.1392 

+3 +236 green/yellow 0.1225 

+4 +238 green/yellow 0.1035 
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Drops of HCl mV Color Absorbance 

+6 

+4 

+10 

+10 

+5 

+10 

+240 

+243 

+249 

+250 

+249 

+254 

yellow 

yellow 

yellow 

yellow 

yellow 

yellow 

0 . 0 8 3 7 

0 . 0 7 0 1 

0 . 0 5 3 7 

0 . 0 5 2 5 

0 . 0 4 9 7 

0 . 0 3 0 1 
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Table XXII. The Absorbance of Bromophenol Blue in 

10 % Methanol + 90 % Water at 594 nm. 

Drops of HC1 mV Color Absorbance 

0 +123 purple 1.3880 

+2 +129 purple 1.3340 

+2 +137 purple 1.2030 

+2 +145 blue 1.0540 

+2 +151 blue 0.9091 

+2 +158 blue/green 0.7713 

+2 +162 blue/green 0.6743 

+2 +168 green/blue 0.5765 

+2 +173 green/blue 0.5135 

+2 +177 green/blue 0.4439 

+2 +181 green/blue 0.3774 

+2 +183 green/blue 0.3476 

+2 +186 green 0.3125 

+2 +189 green 0.2791 

+2 +191 green 0.2500 

+2 +194 green 0.2231 

+2 +196 green 0.2031 

+2 +198 green 0.1807 

+2 +200 green 0.1624 
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Drops of HC1 mV Color Absorbance 

+2 

+2 

+2 

+2 

+2 

+202 

+204 

+205 

+206 

+207 

green 

green 

green 

green 

green 

0 . 1 5 2 4 

0 . 1 3 3 3 

0 . 1 2 5 6 

0 . 1 1 6 0 

0 . 1 0 6 7 
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Table XXIII. Behavior of acid-base indicators in aqueous-

methanol solvent mixtures 

Indicator 
PH 

6 10 

BB Water Y | Y--G 1 B 

10/90 Y-G | B 

20/80 Y | Y--G 1 B 

50/50 Y 1 YG 1 G| B 

64/30 Y || G | B 

MR Water Pink 1 1 R 1 Y 

10/90 R 

20/80 Pink 1 R !°l Y 

50/50 Pink| I R |0| Y 

64/36 Pink 1 R l°l Y 
PP Water Colorless | Pink 

10/90 Colorless | Pink 
20/80 Colorless | Pink 
50/50 Colorless | Pink 
64/36 Colorless | 

TB Water Y 1 B 
10/90 Y 1 |YG|G| B 
20/80 Y | YG | B 
50/50 Y | Y-G 1 G | B 
64/36 Y |YG|G| B 

Abbreviations: BB = Bromophenol blue; MM = Methyl Red; 

PP = Phenolphtha1ein; TB = Thymol blue. 

Y= Yellow; Y-G = Yellow-green; G = Green; B = Blue; R = Red; 
O = Orange. 
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Figure 2. Absorbance versus mVolts of Bromophenol 
Blue in 64 % Methanol + 36 % Water. 
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Figure 4. Absorbance versus mVolts of Bromophenol 
Blue in 50 % Methanol + 50 % Water. 
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Figure 6. Absorbance versus mVolts of Bromophenol 
Blue in 20 % Methanol + 90 % Water. 
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Figure 8. Absorbance versus mVolts of Bromophenol 
Blue in 10 % Methanol + 90 % Water. 
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CHAPTER IV 

DEVELOPMENT OF PREDICTIVE SOLUBILITY MODELS 

MOBILE ORDER THEORY 

A. Mobile Order Theory 

Historically, Mobile Order Theory dates back to the 

proposal by Einstein 1,2 of the calculation of thermodynamic 

probability using time fractions. This proposal remained 

largely forgotten until Huyskens3-16 and Ruelle17-25 

suggested Mobile Order Theory as an alternative 

thermodynamic description of molecular complexation. 

The basic model3-33 assumes all molecular groups 

perpetually move in the liquid, and that neighbors of a 

given external atom in a molecule constantly change 

identity. All molecules of a given kind dispose of the same 

volume, equal to the total volume V of the liquid divided by 

the number Nft molecules of the same kind, ie., Dom A = V/NA. 

The center of this domain perpetually moves. Highest mobile 

disorder is achieved whenever groups visit all parts of 

their domain without preference. Preferential contacts lead 

to deviations with respect to this "random" visiting. This 

is especially true in the case of hydrogen-bonding which 

182 
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requires that a hydroxylic hydrogen atom to follow most of 

the time the proton acceptor group of a neighboring molecule 

in its walk through the liquid, thus originating a kind of 

"mobile order". 

B. Mobile Order For Systems Involving A Solute Dissolved In 

A Neat Solvent 

The quantitative development of the mobile order theory 

led to the derivation of an universal predictive equation by 

Ruelle et al.17 for solubility (in volume fractions, §A
sat) 

accounting for the different enthalpic and entropic 

contributions to the Gibbs energy change when a solute A is 

dissolved in a solvent, S. Moreover, expressions describing 

the influence of solvent-solvent, solute-solvent and solute-

solute interactions on the chemical potential of the solute 

have been derived. This equation has been successfully 

applied to predict the solubility of naphthalene19 in both 

non-polar and polar solvents. In the former case, the 

solubility of naphthalene in volume fraction $A
sat/ since 

hydrogen bonding between the solute and the solvent can be 

ignored, is expressed by the product of three terms 

$B = e~
A. eB. e"D 

Equation 4.1 

This equation accounts for the ideal solubility, the 
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entropy of mixing, the changes arising in the nonspecific 

cohesion forces upon mixing and the hydrophobic effect of 

the associated solvents such as alcohols on the solubility 

of an inert substance. Representing a physical phenomenon 

related to solubilization, each term in the equation has a 

well-defined expression. 

The fluidization constant, A, is not always a simple 

mathematical transformation of the Gibbs energy of melting, 

because it contains an additional term whenever a solid-

solid transition has to be taken into account. If solid-

solid transitions are absent between the melting point 

temperature, Tmp, and solution temperature, then the 

fluidization constant is given by: 

A = AHA
fus(l/T -1/Tmp)/R + ACp [(Tmp/T -1) -In Tmp/T) ] /R 

Equation 4.1 

where AHA
fus is the molar heat of fusion and Acp is the 

difference in heat capacity between the crystalline and the 

molten forms of the substance. Since, ACp is usually 

unknown and the term (Tmp/T -1) is approximately equal to In 

Tmp/T for solutes not too far removed from their normal 

melting point temperature, the fluidization constant, A, as 

a first approximation reduces to 



185 

A = AHA
fus (1/T -1/Tmp)/R 

Equation 4.1 

without any significant loss in accuracy. According to 

equation 4.1, the ideal solubility of a crystalline solute 

decreases with increasing molar enthalpy of melting of the 

crystal and increasing difference between the melting point 

and the actual temperature. The value of A is either known 

from calorimetric measurements of fusion and transition 

enthalpies on the pure crystals, or can be reasonably 

estimated using group contribution methods for AHA
fus and/or 

Atj fus /m 33—36 
A / ̂ mp 

B is a correction term which takes into account the 

entropy of mixing arising from molecular size disparity, and 

concomitantly the molar volumes of the solute and solvent. 

In Mobile Order theory, the entropy of mixing is assumed to 

be 

ASmix = 0.5RT [XA In XA + Xs In Xs + XA In 0A + Xs In <t>s] 

Equation 4.4 

a simple arithmetic average of the entropies of mixing based 

upon Raoult's law and the Flory27-Huggins28 model. Equation 

4.4 is referred to as the Huyskens and Haulait-Pirson model. 

The B correction is 

B = 0.5 * S (VA/VS - 1) + 0.5 In (§A + $ S
 VA/ VS) 

Equation 4.5 
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obtained by mathematically differentiating the ASmi-x of the 

Husykens and Haulait-Pirson model with respect to the number 

of moles of solute. Quantities $A and §s in equation 4.5 

refer to the volume fractions of the dissolved solute and 

solvent, respectively. Molar volumes, VA and Vs, used in 

the volume fraction computations refer to the pure liqud 

components, which in the case of the solute refers to the 

hypothetical supercooled solute. The best estimate of the 

solute molar volume is found by adding up the incremental 

group volumes for each of the functional groups in the 

molecule. For example, the molecule anthracene would have 

10 aromatic CH groups and 4 aromatic carbon atoms. 

The Husykens and Haulait-Pirson model37 used for the 

entropy of mixing can be rationalized/justified as follows. 

The liquid solution is not considered to be a deformed 

lattice but rather an ensemble where the molecules are 

always moving with respect to each other. Each molecule of 

a particular kind has an average volume at its' disposal 

within which to move and is equal to the total volume of the 

solution divided by the number of molecules of that kind. 

This average volume, mobile domain, is not localized or 

orientable but increases when molecules of another kind are 

added to the liquid as the total volume increases. 

Eventually, the molecule not only ' visits' all parts of its' 

domain but also exchanges its' position with that of the 

foreign molecules occupying the domain. Indeed, at the 
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border of the domain, on encountering a neighbor of the same 

kind, the molecule undergoes a series of individual 

exchanges of places with a foreign molecule, the average 

number being (xB)
-1/2 -1 as calculated from the random-walk 

theory of Einstein and Smolukowski28. 

In a crystal the entropy of mixing arises from the 

possibilities of individual exchanges of position in three 

dimensions. Whereas in a gas, the entropy of mixing results 

from the enlargement of the domain for the motions and 

individual exchanges in position can be neglected. In the 

case of liquids, the entropy of mixing is an hybrid between 

that of a crystal and that of a gas, the nominal exchanges 

being ruled by the mole fractions X and the enlargements of 

the domains by the volume fractions $. Consequently, an 

hybrid expression describes the entropy of mixing in liquids 

ASmixing = ~R <nB l n (X
A
1/2 *AV2) + <nS l n (X

S
1/2 *S V 2) > 

Equation 4.6 

The contribution of the B term is important only when 

the volumes of the solvent and of the solute are markedly 

different from each other. When the volume of the solvent 

is smaller than that of the solute, the sign of B will be 

positive resulting in an increase in the solubility. 

D takes into account the effect of the difference in 

the solute-solute, solvent-solvent, and solvent-solute non-
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specific cohesion forces in the liquid phase. As a first 

approximation, the correction factor, D 

D = - *S
2 VB ( S B ~ SS )2 / ( R T ) 

Equation 4.7 

is calculated from an equation of the Scatchard-Hildebrand 

type (Hildebrand29, Scatchard30, Hildebrand and Scott31'32 ) 

with "adapted" solubility parameters SB' - 6S' (Haulait-

Pirson et al.33) and is based on the assumption that the 

solvent-solute cohesive force is equal to the geometric mean 

of the cohesion energy densities of the two equivalent like 

pairs, solvent-solvent and solute-solute. 

In this predictive expression, modified solubility 

parameters account for only nonspecific interactions, and in 

the case of the alcoholic cosolvents, the hydrogen-bonding 

contributions have been removed. Numerical values of 

^ solvent w e r e obtained from published compilations (Ruelle 

et al., 17'18), and were either estimated or deduced by 

regressing solubility data of solid n-alkanes in organic 

solvents in accordance with the configurational entropic 

model of Huyskens and Haulait-Pirson5. Any errors or 

uncertainties in the measured alkane data would naturally 

affect the calculated numerical values of <S'soivent/ as 

indeed, would any shortcomings of the Huyskens and Haulait-

Pirson model to back-calculate the observed mole fraction 
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solubilities. 

Careful examination of equation 4.7 reveals that the 

contribution of the D term for solvents becomes negligible 

when the modified solubility parameter of the solvent is 

close to that of the aromatic hydrocarbon solutes. On the 

other hand, this contribution, which is always negative, 

will cause a decrease in solubility when the modified 

solvent parameter of the solvent differs from that of the 

solute. Essentially, the relatively low solubility of 

aromatic hydrocarbons in aliphatic alkanes or cycloalkanes 

is explained by this endothermic effect. 

Ruelle et al.18 analyzed the relative importance of the 

melting properties of the solute, the entropy of mixing and 

the changes in non-specific forces with respect to the 

solubility. Ruelle reported that the solubility of the 

solid aromatic hydrocarbons is largely governed by their 

melting properties. Indeed, the melting process represents 

the most important hindrance to the solubility of a solute 

since the absolute value of A is greater than the two other 

terms but is negative in value. In the case of anthracene 

(A is -4.544), the energy that must be supplied in order to 

lead to the disruption of the crystal is so high that its1 

solubility remains low, twenty-five times lower than that of 

its' isomer phenanthrene (A is -1.507), irrespective of the 

solvent. 

Very few systems encountered contain only nonspecific 
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interactions. Most systems of practical importance involve 

at least some type of specific interaction. The solubility 

of naphthalene in a polar solvent (a proton-donor solvent 

such as alcohol) in volume fraction $B, since hydrogen 

bonding between the solute and the solvent can no longer be 

ignored, is expressed by the product of five terms 

FT — O~A E B 
*g c • c • c • c » c 

Equation 4.8 

The alcohol undergoes self-association through the 

formation of linear hydrogen-bonded terms, and the free 

hydroxylic OH proton is allowed to interact with the 

polarizable Tr-electron cloud of naphthalene. 

F describes the effect of the hydrogen-bonded chains of 

the solvent (hydrophobic effect). It is observed whenever 

self-associated solvents are considered and arises from an 

increase in the temporary loss of freedom of mobility of the 

solvent molecules when the total volume of the solution is 

increased by the addition of the solute. For alcohol and 

water, it can be written as: 

F= *s ( r s v B / V S ) 

Equation 4.9 

where rs equals one for the monofunctional alcohols and two 
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for water, diols and other solvents with double chains. 

More exact values can be used for alcohols, based on the 

equation 

rs = (Ks $s vs )/ (1 + Ks *s vs ) 

Equation 4.10 

The e"F is equal to unity for solvents without H-

bonding association. For others it is generally less than 

one except, in the case of a drug molecule, when the molar 

volume of the solvent exceeds that of the drug. Not 

surprisingly, it is especially low for water, of the order 

of 0.0000013 and this justifies the name "hydrophobic" 

according to Ruelle17 and Huyskens37 in the same way that 

" Spa" , a watering place in Belgium now designates the 

generic term for a resort with mineral springs. 

According to the mobile order theory of 

Huyskens4'12'15'37, the hydrophobic effect of the alcohols on 

an inert solute such as naphthalene is no longer considered 

to be as a result of a change in the interaction energies 

but is rather accounted for as a lowering of entropy because 

of a temporary correlation in the displacements in the 

liquid of two or more hydroxylic groups of solvent molecule. 

Consequently, these correlated displacements create a mobile 

order. 

Obviously, it is the hydrophobic effect which is the 
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reason that naphthalene exhibits lower solubility, both 

predicted and observed19, in alcohols with respect to the 

corresponding nonassociated n-alkane homorphs. Quantitative 

analysis of the F term shows that, at equilibrium, the 

solubility in alcohols, In $, is reduced by an amount equal 

to $s VB/VS, as a direct consequence of this effect, any 

increase in the ratio of the molar volumes VB/VS will 

promote the solubility of nonpolar substances in 

nonassociated solvents with the reverse being true in 

alcohols. 

Ruelle et al.23 reported the relative importance of the 

different contributions involved in the solubility 

calculation and concluded that the solubility of inert 

substances in alcohols or in water was essentially 

determined by the hydrophobic effect (F term). This effect 

describes the decrease in entropy of the self-associated 

molecules following the addition of an inert solute and 

concomitantly rejection by the inert solute of the effect of 

the solvent. In alcohols and water, all or part of the 

benefit arising from solute-solvent hydrogen bond formation 

is lost due to the negative hydrophobic effect resulting 

from solvent self-association, term F. 

The term, 0, corresponds to the positive effect of the 

H-bonds between an electron-donor site 0 of a solute and the 

proton-donor solvent, and is given by 
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O = In {1 + K0 [(#s / Vs) - («B / VB)]} 

Equation 4.11 

In equation 4.11, the constant K0 is related to the 

difference in the free energy of the system when all the 0-

sites are free and where all the sites are bonded. Indeed, 

according to the theory of mobile disorder, the ratio (e° -

1)/ e° is the fraction of time the electron-donor site is 

involved in H-bonding with the solvent. Ruelle17 reports 

that for the smaller alcohols and strong electron-donating 

solutes this is approximately 66% and should be 99% for 

water. Readers should note that equation 4.11 applies to 

systems in which the molar concentrations of the solute is 

always less than the solvent molar concentration (i.e ., 

#S / v s > $B / VB) , otherwise the argument inside the 

logarithm might be negative, depending upon the numerical 

value of KQ. Published applications of Mobile Order theory 

have been limited to sparingly soluble solutes, and to date, 

none of the studies has addressed how the e° must be 

modified in order to describe solutions in which the solute 

molarity exceeds the solvent composition. 

In all likelihood, increased solute solubility will 

change the way in which the hydrogen-bonds are counted. 

Equation 4.11 was originally derived for solutions where the 

maximum number of possible hydrogen-bonds formed is 

determined by the number of solute molecules present. In 
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other words, the solute is the limiting reagent for solute-

solvent hydrogen-bond involving the alcoholic acidic proton. 

For systems having appreciable solute solubility, the number 

of solute-solvent hydrogen bonds is determined by the molar 

concentration of the alcohol solvent. Now, the hydrogen-

bond would belong to the alcohol, rather than the solute. 

"Counting" of hydrogen-bonds will be discussed again when 

binary solvent mixtures are considered. 

In the case when all the sites are free, they are still 

very much under the influence of the non-specific dipole 

interactions from the solvent chains. The stabilizing 

effect decreases when the concentration C0H of the polar 

groups of the solvent decreases upon dilution, for example 

with addition of a non-polar solvent. Consequently, the 

constant K0 will depend on the concentration and nature of 

these groups. 

An additional term, e~0H is 

$B
 = e"A* eB- e~D- ®~F» e°- e"OH 

Equation 4.12 

required to extend the predictive equation to solutes 

capable of also undergoing self-association through 

hydrogen-bond formation. The OH term describes the positive 

effect of the temporary hydrogen bond between the solute, 

i.e. amphiphilic group OH of the drug and the solvent which 
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modifies the distribution of the molecules in solution 

during a fraction, 1 - y of the time. It can be 

mathematically described as 

OH = In (1 + K b b / VB) - In (1 + Koh $s / Vs + K B B F B / VB) 

Equation 4.13 

Here, KQH is equal to KBB in proton-acceptor solvents, 

to Kins, the insertion constant (approximately KBB) in 

amphiphilic solvents and to zero in the others. 

The factor e"0H is of the order of 0.02517, i.e very 

small in the case of a drug molecule which has no occasion 

to form H-bonds with the solvent. However, values in excess 

of one could be obtained when the self-association bonds 

between the molecules of the solute, which have to be broken 

in order to dissolve it in the first solvents, are 

overcompensated by the addition or insertion bonds that the 

drug forms with the latter solvents. 

The general predictive expression of Mobile Order 

theory, equation 4.12, contains terms describing the 

breaking of solute-solute interactions in the crystalline 

lattice, solvent self-association, solute self-association, 

solute-solvent complexation for hydrogen-bond formation 

involving either the solute OH or solvent OH functional 

group(s), and nonspecific solute-solvent interactions. 

Naturally, not all systems encountered will require all six 
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terms. The actual number of terms needed will be dictated 

by the functional groups present on the solute and solvent 

molecules. For example, in the case of liquid solutes, A 

equals zero as no energy is expended to break the 

crystalline lattice. The values of A, B, D, F, 0 and OH 

represent a direct physical interpretation in the 

thermodynamics of mobile order. It follows when the values 

A, B etc., are zero, $B is equal to one and then B would be 

miscible in all proportions of the solvent. 

The success of Mobile Order Theory resides on the 

correct description of the entropic and hydrophobic effects. 

In the latter case, alcohols will, by implication, never 

form "regular solutions" and deviations are due exclusively 

to energistic effects. This premise that regular solution 

theory does not correctly predict solubilities is the basis 

of the Mobile Order Theory proffered by Huyskens2'9'10'14'37. 

C. Mobile Order Theory For Binary Alkane + Alcohol Solvent 

Mixtures 

Since my dissertation research involving the solubility 

pyrene in binary alcohol + alcohol solvent mixtures, 

pyrene in binary alcohol + alcohol solvent mixtures (using 

alcohol-specific mobile order theory stability constants), 

anthracene in binary alcohol + alkoxyalcohol solvent 

mixtures, anthracene in binary 2-alkoxyethanol + 2 -
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alkoxyethanol solvent mixtures, and finally chlorobiphenyls 

in binary alcohol and water solvent mixtures is an extension 

of studies concerning anthracene solubilites in binary 

alcohol + hydrocarbon mixtures, it is necessary to review 

this earlier research as presented by Acree et al.38 

The thermodynamics of Mobile Order expresses the 

equilibrium condition in terms of time fractions for the 

time schedule of a given molecule, and not in terms of 

concentrations of various entities in the ensemble. Thus, 

in the case of alcohols one considers the time fraction ych; 

and not the concentration of the various i-mers in the 

ensemble (this does not mean that these i-mers do not exist, 

but their concentrations do not govern the thermodynamic 

probability) . ych: is the fraction of the time during 

which a given molecule is free from H-bonding; this means it 

does not possess the energy of the H-bond. But it is by no 

means the fraction of the time during which the molecule is 

free at both sides. A molecule bonded at one side is free 

from H-bonding only half of the time. 

For an inert crystalline solute dissolved in a binary 

alkane (B) + alcohol (C) solvent mixture, Mobile Order 

theory expresses the volume fraction saturation solubility 

(0jfat) as (Acree et al.39): 
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RT{ln(aA
solid/0A

sat)-O.5[l- VA/(x°VB + xc°Vc)] 

+ 0.51n [V A/(x B°V B + X C°V C)]-(V A/V C) (K c0° c
2/V c)/(1 + KC<^°C/VC)} 

= V A[0° (5a - 5b)2+ 0 o {S'h - 5c')2 _ 0 o 0 o (5'b ^ c ' ) 2 ] 

Equation 4.14 

whenever the saturation solubility is sufficiently low so 

that 1 - <p*at « l . o . The symbols $ A, fi'B and a'c denote the 

modified solubility parameters of the solute, saturated 

hydrocarbon solvent and self-associating alcohol, respec-

tively, and a^°1;Ld is the activity of the solid solute. 

This latter quantity is defined as the ratio of the fugacity 

of the solid to the fugacity of the pure hypothetical 

subcooled liquid. The numerical value of a^f011*3 can be 

computed from equation 2.11 from Chapter II. 

Contributions from nonspecific interactions (the D 

term) are incorporated into Mobile Order theory through the 

VA [*B° c«k - + *c° <«k - S c V - *i 4>c (S'b - O 2 ] 

term. Suitable mathematical manipulations permit the 

elimination of the VA 0° ($A -s^)
2 and VA 0° (SA - 5C')

2 

terms from the basic model in favor of measured solubility 

data in both pure solvents, (<*>A
sat)B and (0A

sat)c. The 

derived expression 
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In 0A
sat = 0B° ln(0A

sat)B + 0C° ln(0A
sat)c 

- 0.5 [In (xB°VB + x<?Vc) - <pg In VB- <*>£ In Vc] 

+ <VA KC 0C°/
VC2)(1 + KC/VC)_1 ~CVA KC 0C2/VC

23 (1 + 0C° K C/
V
C) "

1 

+ VA 4° CP* (5b - 5C')
2 (RT)"1 

Equation 4.15 

predicted anthracene solubilities in binary solvent mixtures 

containing either 1-propanol, 2-propanol, 1-butanol or 1-

octanol with n-hexane, n-heptane, n-octane, cyclohexane, 

methylcyclohexane and 2,2,4-tr imethylpentane to within an 

overall average absolute deviation of circa ±4.4 % using a 

single self-association constant of Kc = 5,000 cm
3 mol-1. 

In comparison, the corresponding predictions based upon the 

Mecke-Kempter model differed from the experimental 

anthracene solubilities by about + 6.1 % as reported by 

Acree et al. 40 

D. Mobile Order Theory For Binary Alkane + Alcohol Solvent 

Mixtures Assuming a "Pseudo-pure" Alcohol Solvent of Fixed 

Composition 

The success of Mobile Order theory in describing the 

solubility behavior of anthracene in binary alkane + alcohol 

mixtures prompted Acree and Zvaigzne to extend the basic 

model to more complex systems containing two self-

associating solvent components. The authors' theoretical 

development began with the Mobile Order theory expression 
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for the volume fraction saturation solubility (<£A
at) of an 

inert crystalline solute dissolved in a self-associating 

solvent 

ln = - 0.5 (1 - VA/Vso^vent) 0gOlvent 

+ 0.5 In [0A + 08Olvent^A/^solvent^ ] 

~ 0 solvent ^A^A ^solvent) 

~ rS (^A^solvent) ŝolvent 

Equation 4.16 

where the rs (VA/Vsolvent) 0soiVent
 t e r m represents the 

contributions resulting from hydrogen-bond formation between 

the solvent molecules. Generally, the structuration factor, 

rs, was assumed to be unity for strongly associated solvents 

with single hydrogen-bonded chains such as alcohols, to be 

two for water or diols, and to equal zero for non-associated 

solvents such as saturated hydrocarbons. A more exacting 

value for alcoholic solvents can be calculated based upon 

the work of Ruelle17, whereby 

rS — (KS ^solvent/^solvent) / (̂
 + ^solvent/^solvent) 

Equation 4.16a 

with a numerical value of Ks = 5,000 cm
3 mol-1 for 

monofunctional alcohols. Actually, in the case of 

monofunctional alcoholic solvents, rs was set equal to unity 
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using the argument that the association constant, Ks, was 

sufficiently large so that Ks 0soivent/
vsoivent >;> 1 * n t h e 

denominator of eqn. 4.16a. 

Extension of the basic model to binary solvents 

containing two monofunctional self-associating solvent 

components may take one of three different paths, depending 

upon how one models the binary solvent system. In the sim-

plest treatment each binary solvent composition is treated 

as a single "pseudo-pure" monofunctional alcohol. The 

treatment requires that one assume a mathematical form for 

how rs and 5'soivent vary with mixture composition. The 

functions assumed must reduce to rs = rB, 5soivent = <S'B and 

r s = r C ' ^ solvent = SC a t XB = 1'° a n d X C = 1 ' 0 ' 

respectively, in order to give a correct thermodynamic 

description of solubilities in both pure solvents. A 

numerical value of rs equal to unity is assumed for both 

pure monofunctional alcohols and all binary solvent 

compositions. Noting that the (<S'A - 5'solvent)
2 term in Eqn. 

4.16 accounts for only nonspecific physical interactions, 

and because of similarities between S\ and S L solubility 

parameters, Acree and Zvaigzne approximated <Ssolvent as a 

volume fraction average of the modified solubility 

parameters of the two pure solvents, ie., s'solvent = <t>g <SB' + 

0c 5C'. The superscript (° ) denotes the fact that the 

binary solvent volume fractions are calculated as if the 

solutes were not present. In 1952, Gordon and Scott4]f 
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employed a similar approximation, $soivent
 = 5B + S C 

in using the Scatchard-Hildebrand solubility parameter 

theory to explain the solubility maximum observed in the 

phenanthrene-cyclohexane-methylene iodide system. The molar 

volume of the mixed solvent is given by Vsolvent = x^VB + 

x<?Vc and all ^solvent terms in eqn. 4.15 are replaced by 1 -

^ sat 
<f>A • 

The authors simplified the computational procedure by 

noting that anthracene has only a very limited mole fraction 

solubility in the pure alcohols and in all binary solvent 

mixtures studied (see Table I-XIII for experimental values 

of Xjfat) . For all intents and purposes, one can approximate 

1 - <£A
at as equal to unity with no loss in predictive 

accuracy. Performing the aforementioned substitutions and 

mathematical manipulations, eqn. 4.15 was rewritten as 

follows: 

In 0A
sat = lnaA

solid -0.5[l-VA/Vsolvent] +0.5 ln[VA/(xB°VB+xc°Vc) ] 

~ VA(5'A " <PBsB ~ <Pcsc)2 (RT)_1 - rsVA/(x°VB + x°Vc) 

Equation 4.17 

The precedent for considering a binary mixture at each 

fixed composition as a separate pure component was similarly 

employed by Nagata42 in 1975 and Nagata and Kazuma43 in 1977 

when estimating excess molar enthalpies of 17 different 

ternary alkane + two alcohol systems via the Kretschmer-
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Wiebe and Mecke-Kempter models. Here, the two very similar 

thermodynamic approaches assumed the various alcohol + 

alcohol sub-binaries to be "pseudo-pure" alcohols having 

composition-dependent physical and thermodynamic properties 

lying somewhere in between those for the pure alcoholic 

cosolvents. Two of the possible mathematical functions 

considered calculated the self-association constant and its 

reciprocal as simple mole fraction averages of the pure 

alcoho1 values, namely: 

Kave " XB KB + XC KC a n d 1/KaVe =
 XB° (V^b) + XC (*/*<;) 

Equation 4.18 

According to Mobile Order theory, the self-association 

constant for hydrogen-bond formation in monofunctional 

alcohols is in the order of Ks « 5000 cm
3 mol-1 at 298.15 K. 

Numerical values ranging from Ks « 3000 cm
3 mol-1 to Ks « 

6000 cm3 mol-1 are sufficiently large, that even if the 

values do differ slightly from one alcohol to another and if 

the compositional dependence is unknown, the quantity Kave 

^solvent/vsolvent i n t h e denominator of Eqn. 4.16 will still 

be much larger than unity, hence the rs approximation should 

be valid. 

It should be noted that Acree and Zvaigzne approximated 

the molar volume of anthracene as Vanth = 150 cm
3 mol-1, 

which is considerably smaller than the numerical value of 
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vanth = 1 7 1 *° cin3 m°l-1 assumed by Ruelle et al.18 in their 

earlier set of published calculations. The authors44 

justified the smaller value on the basis that it represents 

a better estimate of anthracene's molecular size when 

dissolved in fluid solution. Indeed, Shahidi et al.45 cited 

an experimental value of Vanth = 156.8 cm
3 mol-1 for the 

partial molar volume of anthracene dissolved in carbon 

tetrachloride. 

E. Mobile Order Theory For Binary Alkane + Alcohol Solvent 

Mixtures Assuming Only Homogenous Alcohol Self-association 

It can be argued that the failure of eqn. 4.17 arises 

from the treatment of nonspecific interactions or from the 

treatment of the binary solvent mixture as a single, 

"pseudo-pure" alcohol. This latter approximation can be 

relaxed by permitting the two alcohols to retain their own 

individual chemical identity and allowing the formation of 

homogeneous self-associated hydrogen bonds with surrounding 

solvent molecules of the same type. However, the formation 

of heterogeneous hydrogen-bonds between two dissimilar 

alcohols is not allowed. The solubility parameter of the 

mixed solvent was again assumed to be a volume fraction 

average of values for the pure solvents, ie., s'solvent = <}>£ 

sB + 0c sc• T h e molar volume of the mixed solvent was 

given by Vsolvent = XgVB + x<?Vc and all 0soivent terms in Eqn. 

4.15 are replaced by 1 - <*>A
sat, except in the rs term [see 
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eqn. 4.16] containing the equilibrium constant. The last 

term should be replaced by - (1 -0A
at) {<f>£ rc(vA/vc) + b̂* 

rB(VA/VB)}, where the two structuration factors are 

calculated as 

rB = (Kb ^/VbJ/C 1 + kb ^b°/vb) a n d rc = (Kc *c/Vc)/(l +
 Kc 

0<?/Vc) in accordance with eqn. 4.16a (see Huyskens et al., 

5,3*7) ̂  rjijjg reduction of the free energy of the system 

caused by specific solvent-solvent interactions depends upon 

the molar concentrations of the "active hydrogen bonding" 

sites in the two monofunctional alcohols. 

Making the aforementioned substitutions into eqn. 4.15, 

followed by suitable algebraic manipulations, Acree and 

Zvaigzne derived the following predictive expression, 

RT {In (aA
solid/0A

sat) - 0.5[1- VA/ (xB°VB + xc°Vc) ] 

+ o.5 m [vA/(x°vB + xc°vch 

- (Va/Vb) (Kb0°b
2/Vb) / ( 1+Kb0°b/Vb) - (VA/VC) (Kc0°c

2/Vc) / (1+KC0°C/VC) } 

= VA[0B° (<sk - *B)
2 + <*>c° (5k - *c>2 - <Pi 0C° C'b -5c')2] 

Equation 4.19 

whenever the saturation solubility is sufficiently low so 

that 1 - 0 A
a t « 1.0. 

A careful examination of eqn. 4.19 reveals that, for 

model systems obeying the Mobile Order theory, the ($k ~ 

* 0 1 i o 

<S B) and (SA — S c) terms can be eliminated from the basic 

model via 
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RT {In [aJf
olid/(^Jf

at)B] - 0.5(1- VA/VB) + 0.5 In (VA/VB) 

-(VaKb/Vb
2)/(I + Kb/Vb)> 

- VA (*k " 5'B)2 

Equation 4.20 

and 

RT {In [a^olid/(0Jf
at)c] - 0.5(1- VA/VC) 

+ 0.5 In (V A/V C) - (VA K C/V C
2)/(1 + K C / V C ) } 

= VA (S'A - s'c)
2 

Equation 4.21 

where (<j>gat)B and (0A
sat)c denote the solubilities in the two 

pure solvents. After removal of the (SA - s'B)
2 and (<SA -

i 

& c) terms, a relatively simple mathematical expression for 

the solubility in a binary solvent mixture was obtained 

in 0A
sat = l n (0sat)B + 0 o l n (0Asat)c 

- 0.5 [In (xB°vB + x°Vc) - <p° in VB - <*>° In Vc] 

+ (VA KB 0B°/
VB2) ( 1 + KB/VB)_1 - [VA KB <Pb2/VB2U1 + 0B KB/VB) ~1 

+ (VA KC 0C°/
VC2) (i+Kc/Vc)'1 ~[VA Kc Vv c

2] (l+0(?Kc/Vc)-
1 

+ VA 0C (SB ~ 5c')2 (RT)"1 

Equation 4.22 

which does not require a priori knowledge of the solute's 

enthalpy of fusion and melting point temperature. 

Elimination of the aA
solid term from the predictive equation 

can lead to better solubility estimates, particularly in the 
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case of high melting point solutes. Equation 1.8 (with ACp 

= 0), used to calculate aA
solid = 0.01049, is only an 

approximate expression. Two additional terms involving 

differences between the molar heat capacities of the liquid 

and solid, ACp, were dropped from the more rigorous aA
sol;Ld 

computation46 given by equation 2.11 in Chapter II as ACp 

data were not available in the chemical literature. 

Moreover, the derived expression not only correctly 

describes the solubility in both pure self-associating 

solvents, but also, if one so desires, can be used to 

calculate the "optimum values" of the two solvent-solvent 

self-association constants from measured solubility as a 

function of solvent composition. 

F Mobile Order Theory For Binary Alkane + Alcohol Solvent 

Mixtures Assuming Both Homogenous and Heterogenous Alcohol 

Self-association 

Since monofunctional alcohols do form self-associated 

species, there is no a priori experimental evidence or 

computational reason to preclude formation of heterogeneous 

B^j complexes, especially as a single equilibrium constant 

is employed to describe every monofunctional alcohol's self-

association characteristics. For each alcohol, the fraction 

of time that the alcohol is not involved in hydrogen-bond 

formation, yBbs and Ych:' calculated as: 
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YBh! = 1/[1 + Kb 0b/Vb + Kbc 0c/Vc ] 

Equation 4.23 

and 

Ych: = + ^CB ^B/^B + KC <?c/̂ C 3 

Equation 4.24 

where KBC and KCB refer to the two additional equilibrium 

constants needed to describe the formation of the new 

heterogeneous alcohol-alcohol complexes not found in either 

neat solvent. The following expressions for the Gibbs free 

energy 

G = nA Ma + nB Mb° + nc ^C
 + nB R T l n Yb: + nC R T l n Yc: + 

0.5RT{nAln 0A+nBln 0B+ncln 0c+nAln xA+nBln xB+nc ln xc > 

+ (nAVA+nBVB+nCVc) Ĉ A ^B ( 6 A ~ S B ) 2+<t>A<f>C ( 5 A ~ S C ) 2 + ^ C ( S B ~ S C ) 2 ] 

Equation 4.25 

and for saturation solubility of a sparingly soluble solute 

RT {In (aA
olid/0A

at) - 0.5[ 1- VA/(x^VB + X Q V Q ) ] 

+ 0.5 ln [VA/(x°VB + x°Vc)] 

- (Va/Vb)RT0B
O[0B

O(Kb/VB)+0C
O(Kbc/VC)]/[1+0B

O(Kb/VB)+0C° (Kbc/Vc) 3 

- (VA/VC) RT0c° [0° (Kcb/Vb) +0° (Kc/Vc) ] / [ 1+0° (Kcb/Vb) +0° (Kc/Vc) ] } 

- VR[0B° (S'h - S B )
2 +0° (5* - « C V - 0° (S'B - S C V ] 

Equation 4.2 6 
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arise from this set of conditions. Equation 4.26 which is 

obtained by differentiation of the Gibbs free energy with 

respect to nA describes the saturation solubility, 0 A
a t. 

In order to shorten the mathematical derivation, the 

approximation that «S'solvent = <pg <SB + <pg <SC' was invoked at 

the outset, hence VA[0g (<SA - SB')
2 + <pg (S'A - «SC')

2 - 0° 0° 

(*'B - «c')2]' rather than 0 2
S O L V E N T VA(*'A - 5' S O L V E N T)

2 (see 

Eqn. 4.15), describes nonideality arising from nonspecific 

physical interactions. 

Careful inspection of eqn. 4.26 reveals that, for model 

systems obeying the Mobile Order theory, the (SA - <SB)
2 and 

(S'A - <S'C)
2 terms can be eliminated from the basic model via 

RT {In [ a g o l i d / (<pgat)B] - 0.5(1- VA/VB) + 0.5 In (VA/VB) 

- (VA Kb/Vb
2)/(1 + Kb/Vb)} = VA (S'A - S B )

2 

Equation 4.27 

and 

RT (In [a,?01"/(«/"),.] - 0.5(1- vft/vc) + 0.5 In (VA/VC) 

- <VA Kc/Vc2)/^ + Kc/vc)} = va (S'h - s'c)
2 

Equation 4.28 

where (0A
at)B and (tf>A

at)c denote the solubilities in the two 

pure solvents. After removal of the (<SA - s'B)
2 and (<SA -

i 

Sc) terms, a relatively simple mathematical expression for 

the solubility in a binary solvent mixture was obtained 
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l n 0Aa*" = 0B* -̂n ^ A ^ ^ B 

- 0.5 [In (xB°VB + xc°Vc) - 0B° In VB - 0° In Vc] 

- (V A/V B) <pg [0B° (KB/VB) 

+ 0C° (K b c/V c)3/[1 + 0B°(KB/VB)+ 0C°(KBC/VC)] 

+ ( V A K B 0B°/VB2)(1 + KB/VB)"1 -(VA/VC)0C°[0B° (K C B/V B) 

+ <P° (K c/v c)]/[l + 0 ° (K C B/V B) + 0 ° (KC/Vc)3 

+ (VA K C 0°/V C
2) (1+KC/VC)"1 + V A0^(« B

,-TF C')
2(RT)- 1 

Equation 4.29 

which, like eqn. 4.22, correctly describes the solubility in 

both pure self-associating solvents. 

In the above treatment the two alcohols retain their 

own individual chemical identity, and are allowed to form 

homogeneous self-associated and heterogeneous cross-

associated hydrogen-bonded chains with neighboring alcohol 

molecules. Constants KBC and KCB are set equal to zero 

whenever cross-association is neglected. 

Two previous papers44'47 have shown that eqn. 4.29 

provides fairly reasonable predictions of the saturated mole 

fraction solubilities of both anthracene and pyrene 

dissolved in binary alcohol + alcohol solvent mixtures using 

a single equilibrium constant of KB = Kc = 5,000 cm
3 mol-1 

for self-association and of KBC = KCB = 5,000 cm
3 mol-1 for 

heterogeneous H-bond chain formation. The overall average 

absolute deviations between predicted and observed 

solubilities were 1.7 % and 2.6 %, respectively, for 
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anthracene and pyrene. 

Experimental solubility data for mixtures containing 

highly branched and/or cyclic alcohols were limited at the 

time of the Acree and Zvaigzne solubility investigation. 

The authors did not believe that any slight improvement in 

predictive accuracy that might be obtained from using 

"alcoholic-specific" association constants necessarily 

warranted the very time consuming computations required to 

obtain an optimized Kalcohol value for each different alcohol 

cosolvent studied. This particular assumption needs to be 

initially examined as it is highly doubtful that a single 

association constant is valid for all primary, secondary, 

highly branched and cyclic alcohols. A methyl-substituent 

in close proximity of the hydroxyl group is expected to 

sterically hinder both self- and cross-association, thereby 

increasing the fraction of time during which a given alcohol 

molecule is free from hydrogen-bonding. 

As stated in Chapter I, one of the objectives of the 

dissertation research was to examine the limitations and 

applications of Mobile Order theory in regards to both 

binary alcohol + alcohol + alkoxyalcohol solvent mixtures. 

The Acree and Zvaigzne study considered only five different 

binary alcohol + alcohol solvent systems. In order to have 

a sufficient database for meaningful conclusions to be 

reached, pyrene solubilites were measured in 39 binary 

alcohol + alcohol solvent mixtures. Solvents studied 
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include linear (1-propanol, 1-butanol, 1-pentanol and 

1-octanol), secondary (2-propanol, 2-butanol, 2-pentanol), 

branched (4-methyl-2-pentanol, 2-methyl-2-butanol, 2-methyl-

1-pentanol and 2-ethyl-l-hexanol) and cyclic (cyclohexanol) 

alcohols. Both small and large alcohols were studied so as 

to better test the combinatorial entropic term given by 

Huyskens and Haulait-Pirson model (see equation 4.4). Molar 

volumes ranged from Vsolvent = 75.1 cm
3 mol"1 for 1-propanol 

to Vsolvent = 158.3 cm
3 mol-1 for 1-octanol. Experimental 

pyrene solubility data are interpreted in the next Chapter 

using Mobile Order theory and the Kretschmer-Wiebe 

association model (to be discussed shortly) . In the case of 

equation 4.29 predicted values are based upon the Kalcohol « 

5,000 cm3 mol"1. Approximation and alcohol-specific 

association constants, which are obtained by regressing 

liquid-vapor equilibria data for binary alkane + alcohol 

mixtures in accordance with Mobile Order theory. 

G. Mobile Order Theory For Binary Alcohol + Alkoxyalcohol 

Solvent Mixtures 

Part of my research48 constitutes an extension of 

Mobile Order theory to an inert crystalline solute dissolved 

in binary alcohol + alkoxyalcohol solvent mixtures, where 

there is a possibility of hydrogen-bonding not only through 

the hydroxylic OH functional group but such mixtures are 

characterized not only by the presence of long H-bonded 
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chains of the type 

0-H 0-H 0-H 0-H 0-H 0-H 
/ / / / / / 
R R R"OR* R R"OR1 R 

wherein hydrogen-bonding occurs through the hydroxy1 group, 

i.e. alcohol molecules are temporarily "inserted" but also 

by chains 

0-H -0-H j) R'O-H -0-H ^0-H -^)R'0-H 

R R R" R R R» 

involving hydrogen-bonding through the ether linkage, i.e. 

temporary "addition" of the alcohol molecules. Any given 

alkoxyalcohol may be involved in either one or both hydrogen 

bond types of formation. Both scenarios, insertion and 

addition, lead to extension of the H-bonded chain, although 

essentially different in terms of the "molecular" complexes 

formed. However, it may be possible to treat the 

alkoxyalcohol as a "pseudo" monofunctional alcohol 

cosolvent. 

From a hydrogen-bonding point-of-view, the alkoxy 

oxygen atom provides in principle a second site for the 

fixation of the hydroxylie proton. In the neat 

alkoxyalcohols, the fraction of the time that the 

alkoxyalcohol's hydroxylic proton is free and not involved 
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in hydrogen-bond formation, ych;, is 

Ych: = 1/[1 + Kc 0C/VC + Koc 0C/VC] 

= 1/[1 4- (Kc + Koc) 0C/VC] 

Equation 4.30 

where Kc and Koc refer to the stability constants for H-bond 

formation through the OH and alkoxy ether groups, 

respectively. 

Previous studies38'44'47'49 have assumed identical 

numerical values of Kc = 5,000 cm
3 mol-1 for the stability 

constant(s) for all monofunctional alcohols, and there is no 

reason for us to believe that the value(s) for 

alkoxyalcohols should be any different. 

Liquid-vapor equilibria data do not exist in the 

published chemical literature for binary alkane + 

alkoxyalcohol mixtures. There is currently no way to 

calculate alkoxyalcohol-specific association constants, 

hence, by default, K A l c o h o l = 5,000 cm
3 mol"1 must be assumed 

for hydrogen-bonding through the OH groups, if any 

predictions are to be made. 

Stability constants for H-bond formation involving 

alcohols and ethers, however, are much weaker.50'51 Here, 

calculated values typically range between Koc = 100 cm
3 mol" 

1 and K o c = 300 cm
3 mol-1. Given the relative magnitudes of 

the two stability constants, combined with the fact that the 
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alkoxy hydroxylic OH and ether 0 atom molar concentrations 

are equal, it is expected that hydrogen-bond formation 

should occur largely through the hydroxylic OH groups 

because of its' much greater Kc stability constant. Close 

proximity of the OH and 0 functional groups may further 

encourage proton fixation at the OH "acceptor" site. 

Assuming for the moment numerical values of Kc = 5,000 cm
3 

mol-1, KQC = 100 cm
3 mol-1 and Vc = 100 cm

3 mol"1, one can 

calculate that a typical alkoxyalcohol would be engaged in 

hydrogen-bonding approximately 98 % of the time. Similarly, 

the corresponding alcohol solvent molecule of comparable 

molecular size (KB = 5,000 cm
3 mol-1 and VB = 100 cm

3 mol"1) 

would also be involved in hydrogen-bond formation circa 98 % 

of the time. The calculations, albeit only approximate, 

suggest that the observed solubility enhancement does not 

result from differences in hydrogen-bonding. 

The maximum possible number of hydrogen bonds formed in 

any given solution depends upon the chemical nature of the 

various compounds present. Monofunctional alcohols have one 

hydrogen "donor" site and the lone pairs on the oxygen atom 

provide two "acceptor" sites. Whereas alkoxyalcohols have 

two additional donor sites provided by the lone electron 

pairs on the ether oxygen atom. Molar concentrations of the 

hydroxylic OH and ether O donor sites are equal in the case 

of alkoxyalcohols, and it is expected that hydrogen bonding 

should occur largely through the hydroxylic OH groups 
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because of its much greater Kc stability constant. The 

fraction of time that the alcohol (B) 

Yah: = V t 1 + Kb 0B/
vB + kBC 0C/vC + Kobc 0C/vCJ 

= 1/[1 + Kb 0B/Vb + (Kbc + KoBC) 0C/Vc ] 

Equation 4.31 

and 2-alkoxyethanol (C) molecules 

Ych: = -'•/[•'• + K c b 0b/Vb + Kc </>c/Vc + KQC 0 c/V c] 

= 1/[1 + K c b 0b/Vb + (Kc + KoC) 0c/Vc] 

Equation 4.32 

are not involved in hydrogen-bond formation are given by 

eqns. 4.31 and 4.32, respectively. Except for the two 

additional stability constants involving hydrogen-bond 

formation through the alkoxy oxygen atom (KOBC and Koc) , 

both equations are identical to time-fraction equations for 

anthracene dissolved in binary alcohol + alcohol solvent 

mixtures [see eqns. 4.23 and 4.24]. For convenience, I will 

now define two "pseudo" equilibrium/stability constants K*BC 

and K*c such that K B c = K B C + KQ B C and K*c = Kc + K o c . It can 

be readily shown that this set of conditions leads to the 

following expressions for the Gibbs energy 
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G — nA jxA + nB /ig
1 + nc + nB RT In Yah:

 nc Ych: 

0.5 RT {nA In 0 A + nB In 0B 

+ nc In 0 C + nA In xA + nB lnxB + nc In xc } 

+ (nAVA + nBVB + ncvc) [^A (̂ A ~ ^B ) 2 

+ 0A (SA - Sc)2 + <*>B <t>C ( SB - *c)2] 

Equation 4.33 

and saturation solubility of a sparingly soluble solute 

In 0A
sat = 0° In (0A

sat)B + 0° In (0A
sat)c 

- 0.5 [In (xB°VB + x°Vc) - 0° In v B - 0<? In Vc] 

- (Va/Vb) 0° t0B° (Kb/VB) 

+ *c° (K*BC/vC> 3/C1 + 0B°(kB/vB)+ <t>c (K*bc/
vC)] 

+ <VA Kb 0B°/VB
2)(1 + Kb/Vb) - (VA/VC) 0° [0° (Kcb/Vb) 

+ 0° (K*c/Vc)]/[1 + 0° (Kcb/Vb) + 0° (K*/Vc)] 

+ (VA K*c 0c°/vc
2) (1 + K c/Vc) _1+VA 0j° 0° (tfa'-ffc)2 (RT)"1 

Equation 4.34 

dissolved in a binary alcohol + alkoxyethanol solvent 

mixture. It should be noted that the final derived 

expression is mathematically identical to eqn. 4.30, with 

the only difference being that the actual numerical value(s) 

assumed for K*c and K B C may not necessarily equal K~ = KD„ = 
v BC 

5,000 cm3 mol -1. By analogy, I contend that the final 

derived equation for the much simpler case involving only 

homogeneous self-associated H-bonded chains should be 
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mathematically identical to eqn. 4.22, except that Kc is now 

replaced by K*c. 

The mathematical derivations in the preceding 

discussion were directed primarily to the special case in 

which all stability constants were nearly equivalent (i.e., 

K B = K C B = K*BC = K*C = 5,000 cm3 mol"1.), whereby, two types 

of mixed hydrogen-bonded polymer chains were postulated. 

One chain involved only hydrogen-bond formation through the 

hydroxylic OH groups, whereas in the second chain hydrogen-

bonding could also occur through the alkoxy oxygen atom. An 

alternative derivation, following more closely the Mobile 

Order theory nomenclature and terminology, begins with the 

observation that the hydroxylic proton on an alcohol 

cosolvent B molecule finds in its domain not only an 

insertion site with a neighboring B alcohol molecule, but 

also nB/nc sites of the alkoxyalcohol C molecules occupying 

its domain. The equation of Mobile Order becomes: 

U " YBhs)/YBh: = K™ix v° [ 1 + (nc/nB) ]/<Dom B> 

Equation 4.35 

where K^11* is the insertion constant B in the mixed 

hydrogen-bonded chain (which may differ from the stability 

constant KB for the neat alcohol B solvent). The 

alternative derivation makes no apparent distinction between 

hydrogen-bond formation through the hydroxylic OH groups and 
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the alkoxy oxygen atom; however, the actual numerical value 

of Kg11* should reflect both the strengths and frequencies of 

the various hydrogen-bond types present in the mixed 

hydrogen-bonded chain. 

The ratio of nB/nc sites is related to the binary 

solvent composition via 

nB/ nC = (0(b/0*c) (Vc/VB) 

Equation 4.36 

Substitution of eqn. 4.35 into eqn. 4.36 yields the 

following expression 

Y B h: = 1/{1 + KB
m i x [ ( 0 B ° / V B ) + ( 0 c ° / v c ) ] } 

Equation 4.37 

for the fraction of the time that an alcohol B molecule is 

not involved in hydrogen-bonding. A similar expression 

ych. = 1/{1 + K£
ix [(0°/VB) + (0C°/VC)]} 

Equation 4.38 

holds for the 2-alkoxyethanol cosolvent. Based upon my 

earlier discussions I feel that K ^ x = K™1* = 5,000 cm3 

mol 1 represents a very good estimate for the two insertion 

constants in the absence of direct experimental evidence to 
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the contrary. 

Readers should note that the two derivations for 

solubility in alcohol + alkoxyalcohol solvent mixtures are 

identical only under the special condition that all self-

and cross-association constants are equal. At the moment, 

there is no way to critically evaluate the relative merits 

of each derivation, except when all association constants 

are equal. There is currently no way to calculate alkoxy-

alcohol-specific association constants. Vapor-liquid 

equilibria data for binary alkane + alkoxyalcohol mixtures, 

needed for these computations, are not available in the 

published chemical and engineering literature. Some 

comments can be made, however, concerning each equation's 

mathematical form and the implications inherent therein. 

Equation 4.34 reduces to a correct description of solute 

solubility in both pure solvents, irrespective of the 

numerical value(s) assumed for the cross-association 

constant(s). Equations 4.37 and 4.38, on the other hand, do 

not. These latter two equations require either 

compositionally dependent mixture association constants such 

that KB(Dr Cj
mix = KB(Qr Cj as XB(Cr c° -* l or that KB^or Cj

mix = 

KB(or c) a*- e v e rY composition in order to correctly describe 

the solute' s solubility in the two pure solvents. 

H. Mobile Order Theory For Binary Alcohol + Aqueous Solvent 

Mixtures 
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Although most of the published studies employing Mobile 

Order theory have involved either neat alcohols or binary 

alkane + alcohol or alcohol + alcohol mixtures and alcohol + 

alkoxyalcohol mixtures, a few recent applications52'53 

considered the more complex aqueous solutions. Unlike 

alcohols, the water molecule possesses two protons capable 

of hydrogen-bond participation. When all of oxygen's first 

electron pairs have found hydroxylic protons for their 

hydrogen-bonding, the second set of electron pairs still has 

numerous hydroxylic protons at their disposal. Thus, in 

water a second insertion must be considered, though 

admittedly with a considerably smaller stability constant. 

Electron donor power of the water molecule is weakened by 

the first hydrogen-bond.54 

My research explores the applicability of using Mobile 

Order theory to describe the thermochemical behavior of an 

inert solute dissolved in aqueous-alcohol solvent mixtures. 

A relatively simple expression is derived for predicting 

saturation solubility from measured solute solubilities in 

both pure solvents plus assumed numerical values for all 

stability constants. Applicability of the newly-derived 

equation is evaluated using published solubility data for 4-

chlorobiphenyl dissolved in binary methanol + water, ethanol 

+ water and 1-propanol + water solvent mixtures.55 The 

three systems considered provide a very demanding test of 

the application and limitations of Mobile Order theory as 
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the experimental mole fraction solubilities cover up to a 3 

x 105-fold range. The present investigation differs from 

that of Nelis and coworkers52 in that nonspecific 

interactions are incorporated into the basic thermodynamic 

model. Moreover, data interpretation is not complicated by 

the presence of a second immiscible liquid phase as was the 

case in the liquid-liquid equilibrium study of Nelis et 

al.52 

Essential features of Mobile Order theory, pertaining 

to a ternary mixture containing an inert solute (component 

A), an alcohol cosolvent (component B) and water (component 

W) will be briefly reviewed to facilitate development of the 

final derived equation. The Gibbs free energy of mixing for 

the ternary solution is separated into three contributions: 

AgIIABW = (AGABw) conf + (^GABw) chem + (AGABw) phys 

Equation 4.39 

The first term describes the configurational entropy based 

upon the Huyskens and Haulait-Pirson37 definition of 

solution ideality 

(^gabw)conf = (°*5) R T [nA In 0A + nB In 0B + nw In <£w 

+ nA In xA + nB In xB + nw In xw] 

Equation 4.40 
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whereas the latter two terms in eqn. 4.39 result from 

formation of hydrogen-bonded complexes and weak nonspecific 

physical interactions in the ternary solution, respectively. 

The chemical contribution as given by eqn. 4.41 depends 

upon 

(^GABw)chem = nB R T l n (Y]3h:/Y*Bh:) + nW R T l n (Ywh:/Y*wh:) 

Equation 4.41 

the time fractions that the hydroxylie protons are free in 

the ternary mixture (Yah: a n d Ywh.-) a n d i-n t h e neat alcohol 

(Ysh:) and water (Y*wh:)- Naturally, <AGABW)chem is 

determined relative to the pure liquid solvents in 

accordance with standard thermodynamic practice. The 

maximum possible number of hydrogen bonds is governed by the 

functional groups present and the characteristics of the 

self-associating components. Alcohols have one hydrogen 

"donor" site and the lone pairs on the oxygen atom provide 

two "acceptor" sites. In principal the second electron pair 

could be used for hydrogen-bonding. Electron donor power of 

the alcohol molecule is weakened by the first hydrogen—bond. 

The hydroxylic proton of an alcohol molecule will in general 

give the preference to the first pair of the oxygen atom, 

and under such circumstances the second pair of electrons of 

an alcohol molecule in the liquid will have difficulty 

finding a partner unless the second cosolvent has 
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unsatisfied acceptor sites. 

Water, on the other hand, has two hydrogen "donor" 

sites and the lone pairs on the oxygen atom provide two 

"acceptor" sites. Unlike alcohols, hydrogen-bonding is not 

complete when all of the first electron pairs have found 

hydroxylic protons for their hydrogen-bonding. The second 

electron pairs on water (and for that matter on the alcohol) 

still have numerous hydroxylic protons at their disposal. 

Thus, in water a second insertion must be considered, though 

with a considerably smaller stability constant. It can be 

readily shown that this set of conditions leads to the 

following expression for the Gibbs free energy for the 

hydrogen-bonding contribution:52 

( A GABw)ch em=
 n B RTLN {(1 + K*B/V B)/[1 + K B ( ( 0 B / V B ) + ( 0 W / V W ) ) ] } 

+ n w R T m {[1 +(K* W 1/V W)+(K
,
W 1K* W 2/V W

2)]/[1+K W 1((0 B/V B) 

+ (0w/vw)) + K W1 KW2 C (<5&b/Vb) + (0W / V W > > 2 ] > 

Equation 4.42 

where the time fractions in the ternary solution 

YBh! = V U + KB[(0B/VB) + (0W/VW) ] > 

Equation 4.43 

Ywh; = 1/{1+KW1[(0B/VB) + (0W/VW)]+KW1KW2[(0B/VB) + (0W/VW)]
2} 

Equation 4.44 
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and in the pure liquids 

Y'uh: = 1/C1 + (KB/vB)] 

Equation 4.45 

Y'wh: " i/C1 + (K*„i/Vw) + (K*wl K-w2/Vw
2) ] 

Equation 4.46 

are given by eqns. 4.43-4.46. Both cosolvents are allowed 

to form self-associated species and to participate in the 

formation of heterogeneous cross-associated H-bonded linear 

chains. As a simplifying approximation, only the first 

electron pair on the alcoholic oxygen atom is counted when 

determining the number of available "acceptor" sites for 

hydrogen-bond formation. This particular assumption may 

need to be revisited at a later date. 

Inherent in the above treatment is the additional 

provision that the stability/equilibrium constants in the 

ternary mixture (KB, KW1 and Kw2) are not necessarily equal 

to the values in the neat solvents, which are denoted by the 

superscript (*). The earlier study of Nelis et al.52 

suggested that water's much smaller second equilibrium 

constant, Kw2, was slightly larger in aqueous-alcohol 

mixtures than in neat water. Nelis et al.52 noted a slight 

compositional dependence in Kw2 in the case of the secondary 

and tertiary alcohols studied. At this time no special 

significance is given to their observations since their 
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thermodynamic model completely neglected nonspecific 

interactions. Incorporation of nonspecific interactions may 

significantly alter this earlier conclusion. 

Physical nonspecific interactions are expressed in 

terms of the Scatchard-Hildebrand solubility parameter type 

model 

( ^ G A B w ) p h y s = (nAVA + nBVB + nwvw) t^A ( JA ~ ^B )2 

+ ^A^W (^ A ~ ) 2 + <^B^W ( ̂  B ~ ^ 3 

Equation 4.47 

Modified solubility parameters, s\, account for only 

nonspecific interactions, and in the case of both water and 

alcohol solvents, the hydrogen-bonding contributions were 

removed. 

Combining eqns. 4.39, 4.40, 4.42 and 4.47, the Gibbs 

free energy of mixing (per stoichiometric mole of mixing) is 

written as 

AG^w =(O'5)RT[nAln0A+nBln0B+nwln0w+nAlnxA+nBln xB+nwlnxw] 

+ nB RT In {(1 + Kb/Vb)/[1 + Kb((0b/Vb) + ((^/Vw))]} 

+ nw RT In {[1 + (K*wl/Vw) 

+ (K'wi K*w2/Vw
2)]/[1 + Kw 1 ( (0 b /Vb) + (0w/vw)) 

+ KW1 KW2 ((^b/Vb) + (<^w/Vw))2]> 

+ (nAVA + nBVB+nWVw) t^A ^B (^ A ~ ^B ) 2 

+ 0A ^ A ~ ) 2 + ^B ^ B ~ ) 2 ] 

Equation 4.48 
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Thermodynamic principles relate solubility to chemical 

potential. For a system obeying eqn. 4.48 the solubility of 

a sparingly soluble crystalline solute (0A
at « 0) is 

RT In a^011** = RT { In <pgat + 0.5 [1 - VA/(x£vB +x^Vw) ] 

+0.5 In [VA/(XB°Vb + xw°Vw)]} 

+ R T 0 ° (V A/V B)K B[(0 B°/V B) + (0°/V W)]/{1+K B[(0 B°/V B) + ( 0 ° / V W ) ] } 

+ R T 0 ° (V A/V W) {K W 1[(0°/V B) + (^?/V W)] 

+ 2 K W 1 K w 2 t ( 0 B ° / V B ) + (0 W°/V W)]
2>/{1+K W 1[(0 B°/V B) + ( 0 ° / V W ) ] 

+ K W 1 K W 2[(0 B°/V B) + (0°/V W)]
2}+V A [0 B°(5 A- 5 B )

2 + 0 ^ ( 5 A - <SW')
2 

~ 0B* 0W* ~ ^ 3 

Equation 4.49 

obtained by differentiating AGm
ABW with respect to nA. In 

the above expression the superscript (°) denotes the initial 

binary solvent compositions calculated as if the solute were 

not present, and aA
oll-d is the activity of the solid solute. 

This latter quantity , as previously noted, is defined as 

the ratio of the fugacity of the solid to the fugacity of 

the pure hypothetical sub-cooled liquid. The numerical 

value of aA
 o l i d can be computed from equation 2.11 in 

Chapter II. 

Careful examination of eqn. 4.39 reveals that the (<SA 

- SB )
2 and (SA - <SW")

2 terms can be eliminated from the 

basic model via 
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RT In a^olid = RT{ln(0A
sat)B + 0.5(1-VA/VB)-0.51n (VA/VB) 

+ (Va/Vb) (K*b/Vb)/[1+(K*b/Vb)]} + VA (S'A - «SB)
2 

Equation 4.50 

and 

RT In a A
o l i d = RT { In (0A

sat)w + 0.5 (1 - VA/VW) 

- 0.5 In (VA/VW) + (VA/VW) [(K*wl/Vw) 

+ 2 (K*wl/Vw) (K*w2/Vw)]/[1 + (K'wl/Vw) + (K'wl/Vw) (K'w2/Vw)]> 

+ VA («"* " S«)2 

Equation 4.51 

where (0ASt)B
 an<* (0Aat)w denote the solubilities in the two 

pure solvents. Readers should note that in order for eqn. 

4.49 to reduce to the correct thermodynamic description of 

solute solubility in both neat solvents that all three 

mixture equilibrium/stability constants (KB, KW1 and Kw2) 

must equal the pure solvent stability constants (K B, K*wl 

and K^2)
 a s the mole/volume fraction of the second cosolvent 

approaches zero. This particular constraint can be realized 

in one of two ways. Either the mixture and pure solvent 

stability constants are equal (ie., Ki = k\) or the mixture 

stability constants must be solvent dependent such that 

lim = K*̂ . Nelis et al.52 suggested that water's second 

stability constant, Kw2, might be slightly larger in 

aqueous-alcohol mixtures than in neat water, perhaps even 

solvent dependent in the case of secondary and tertiary 

alcohols. The authors, however, failed to ensure that this 
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limiting constraint was realized. 

After removal of the (S'A - sB')
2 and (S'h - S^)

2 terms, 

a relatively simple mathematical expression is obtained for 

the solubility of a crystalline inert solute in a binary 

alcohol + water mixture: 

RT m 0 A
s a t = RT { 0 ° In ( 0 A

s a t ) B + 0 ° In ( 0 A
s a t ) w 

- 0.5 [In (x^Vg + x^Vw) - <p£ In VB- 0^ In Vw]} 

- R T <T>B° ( V A / V G ) K G [ ( 0 g ° / V B ) + ( 0 w ° / v w ) ] / { l + K b [ ( 0 ° / V B ) 

+ (0w/ vw)]> + RT 0 ° ( V A / V B ) ( K B / V B ) / [ 1 + ( K B / v B ) ] 

- R T 0 ^ ( V A / V w ) { K w l [ ( 0 b / V b ) + ( 0 ° / V w ) ] + 2 K w 1 K w 2 [ ( 0 b / V b ) + ( 0 ° / V w ) ] 2 } 

-S-{1 + K w 1 [ ( 0 ° / V b ) + ( 0 £ / V w ) ] + KW1 K w 2 [ ( 0 ° / V b ) + ( 0 ^ / V w ) ] 2 } 

+ RT 0 ° ( V A / V W ) [ ( K * w l / V w ) + 2 ( K * w l / V w ) (K* w 2 /V w ) ] / [ l + ( K * w l / V w ) 

+ ( K w l / V w ) (K*W2/VW) ] > + VA ( 5 B ~ 5 w ) 2 

Equation 4.52 

which does not require a priori knowledge of the solute's 

enthalpy of fusion and melting point temperature. 

Elimination of the a A
o l i d term from the predictive equation 

can lead to better solubility estimates, particularly in the 

case of high melting solutes as Acp data are not readily 

available in the chemical literature. Moreover, the derived 

expression correctly describes the solubility in both pure 

self-associating solvents. 

I. Kretschmer-Wiebe Association Model 

Applicability of Mobile Order theory can be further 
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assessed by comparing by predictive accuracy of equations 

4.22 and 4.29 to expressions based upon the more 

conventional thermodynamic solution models. Such 

comparisons were not possible at the time equations 4.22 and 

4.29 were originally derived as neither the Kretschmer-Wiebe 

nor the Mecke-Kempter association models had been rigorously 

extended to systems containing more than a single self-

associating component. Very early extensions of the 

Kretschmer-Wiebe and Mecke-Kempter models either neglected 

cross-association or treated the two alcohol cosolvents as a 

single "pseudo" monofunctional alcohol. In the latter case, 

the association constant was assumed to be compositionally 

dependent. Comparisons between Mobile Order theory and 

Kretschmer-Wiebe model are now possible. Campbell recently 

extended the Kretschmer-Wiebe model to mixtures containing 

any number of alcohols. Closed form expressions were 

derived for the Gibbs energy of mixing and the corresponding 

activity coefficients. 

Essential features of the Kretschmer-Wiebe association 

model, pertaining to a ternary mixture containing an inert 

solute (component A) and two alcohol cosolvents (components 

B and C), will be briefly reviewed to facilitate development 

of the final derived predictive expression. The basic 

model56'57 assumes that two alcohols form both continuous 

homogeneous hydrogen-bonded 
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I. A ,A 

'B / ( CB CR } 
i+1 B1 Bi 

Ci + Cx 

A A -A 

'i+1 Kc = C /(C C ) 
ci+l Ci Ci -1 vi 

and heterogeneous hydrogen-bonded polymers 

<?! + Polymer-B Polymer-B-C 

Kbc = C Polymer-B-C 
A 

t(C, 
A 
c Polymer-B -B) 

Bx + Polymer-C Polymer-C-B 
A 
Ct ^CB ^Polymer-C-B / ^Polymer-C 

1 
- c ) 

by successive chemical reactions. Formation of homogeneous 

hydrogen-bonded polymers Bi+1 and Ci+1 are described by 

isodesmic equilibrium constants KB and Kc, respectively, 

which are expressed in terms of molar concentrations of the 

true species in solution. The overbar ( A ) denotes the true 

species that exist in the associated solution. 

The standard Gibbs free energy for heterogeneous H-bond 

formation is independent of the composition of the polymeric 

chain, and hence, depends only on the fact that a chain 

terminating with alcohol B and a single alcohol c monomer 

are in equilibrium, in accordance to the chemical reaction 

given above for formation of heterogeneous Polymer-B-C. It 

is further assumed that the standard free energy change is 

the same for a single alcohol B monomer in equilibrium with 
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a polymer chain ending in alcohol C (ie., KBC = KCB) . If a 

Polymer-B chain reacts with an alcohol B monomer, then the 

chemical reaction is mathematically described by the 

isodesmic equilibrium constant KB. True species range in 

size from the monomers of each stoichiometric component to a 

linear chain of essentially infinite length composed of any 

combination of alcohols B and C. 

From a thermodynamic standpoint, the ternary associated 

solution can be modeled either in terms of the 

concentrations for the three stoichiometric components 

calculated as if self-association did not occur, or in terms 

of the concentrations of species believed to exist in 

solution. The volume fraction 0i and molar concentration 

of stoichiometric species i are defined as 

0i = xL vj S Xj Vj = nL vj 2 nj v3 

Ci = <t>L/vL = nL / 2 nj V j 

Equation 4.53 

Equation 4.54 

respectively, where X^ is the stoichiometric mole fraction 

and nj_ is the stoichiometric number of molecules of 

component i. The above summation extends over the three 

components in the solution. The parameter vL in eqns. 4.53 

and 4.54 is a measure of molecular size for the 

stoichiometric species and is arbitrarily normalized to the 
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molar volume of methanol at 303.15 K (Vmethanol = 41.0 cm
3 

mol"1) according to vL = (Vi/Vmethanoi) 303.15 K- Similarly, 

the volume fraction and molar concentrations of a true 

species s are expressed in terms of true mole fractions and 

mole numbers. 

$ s -
 xs vs/ 2 Xt vt = ns vs/ 2 nt vt 

A A A A 
Cs - ^s/

vs = ns / S nt vt 

Equation 4.55 

Equation 4.56 

Numerical values of the size parameters of the true species 

are assumed to be additive and size parameters of the 

alcohol monomers are the same as for the corresponding 

stoichiometric species. For example, the size parameter for 

true species BCBBC in the ternary mixture would be vBCBBC = 

3 Vg^ + 2 V C 1 = 3 V B + 2 VC. 

It now becomes necessary to distinguish among the 

different true polymeric entities. The counting scheme 

employed will be that of Campbell58. True species are 

identified by the chain length (total number of various 

alcohol monomers in the chain) and by the monomer that is at 

the terminal position on the chain. The molar concentration 

of the H-bonded complex of length n that ends in alcohol 

monomer B will be denoted by CB n, and similarly by CC/n if 

the chain ends with alcohol cosolvent C. As examples of the 
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notation, CB and Cc are the overall stoichiometric 
A 

concentrations of alcohols B and C, respectively, CB1 is 
A 

the molar concentration of alcohol B monomer, and CB>4 would 

be the molar concentration of H-bonded polymers having 

chains that are four molecules in length and whose terminal 

group is alcohol B. 

Concentrations of the true alcohol species are 

expressed in terms of the monomer group that ends the chain 

and in terms of the total chain length. The total 

concentration of complexes is given by 

^Total ~ CA + CB,1 + CB,2 + CB,3 + 

A /S. As 
+ CC,1 + CC,2 + CC,3 + 

Equation 4.57 

For a binary mixture containing two alcohols, eqn. 4.57 can 

be reduced to the following closed mathematical form (see 

Campbell58) 

^Total + ?B + *c 

Equation 4.58 

where *PB and Tc are obtained from simultaneous (iterative) 

solution of 
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~ CB/ (1 + Kg Yb
 + KBC Yc) 

Equation 4.59 

Tc
 = Cc/ + ^BC ^B Kc TC) 

Equation 4.60 

Computation requires a prior knowledge of both homogeneous 

self-association constants (KB and Kc), as well as the 

single cross-association constant (KBC). This latter 

quantity has been approximated58'59 as a simple geometric 

average of KB and Kc (ie., KBC = (KB Kc)
0,5) in binary 

alcohol-alcohol liquid-vapor equilibrium studies. 

Having reviewed the essential features and notation of 

the Kretschmer-Wiebe model, attention is now focussed on the 

development of a predictive expression for solute solubility 

in binary solvent mixtures containing two alcohol 

cosolvents. The Gibbs free energy of mixing (relative to 

the pure liquids) is described by the sum of two separate 

contributions, one contribution representing chemical 

interactions and the other representing physical 

interactions. 

^GABC = ( A G A B c ) p h y s + (AGabc) chem 

Equation 4.61 

The chemical contribution is based upon the Kretschmer-

Wiebe model discussed above, and is 
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(AGABC)chem =
 R T

 C n A l n ^ a + nBln(CB/1/C"Bfx) + ncln(CC/ 1/c*Cix) 

+ nA (1 - 0A) + nB vB CA + nc vc CA 

- ( n A V A + nB VB + nc Vc) (*B + *C>+ n B + n C *C 3 

Equation 4.62 

written in terms of stoichiometric concentrations wherever 
A ^ 

possible. Quantities CB^or Cjfl and CBjor Cj(1 refer to the 

molar concentrations of the monomers in the mixture and in 

the neat alcohols, respectively. Numerical values of ¥B(0r 
/ V 

Cj and CB(0r C ) 1 for the two pure alcohols are obtained 

through application of eqns. 4.59 and 4.60 and CB^or C),i ^ 
„,0 a 

7 B ( o r c ) / c B ( o r c> • I n t h e n e a t alcohols CB(or C) is simply the 

reciprocal of vB^or Cj, and ?B^or Cj are the only non-zero 

values of ?£. These simplifications result in a set of 

equations 

^ • / v B ( o r C) = C B ( o r C) , l / " K B ( o r C) C B ( o r C ) , l ) 

Equation 4.63 

7 B 
A * 

(or C) = C B ( o r C) , l / ~ K B ( o r C) C B { o r C ) , l ) 

Equation 4.64 

that can be solved for CB(or C)fl and Y B(or C). 

Physical effects are expressed in terms of the Nearly 

Ideal Binary Solvent (NIBS) model developed by Bertrand and 

coworkers60-62 
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(^GABc)phys = ( nA r A + nB rB + nC rc) 1 

X ( n A ^A n B ^B ^AB + nA ^A n C ^AC + nB ^B n C ^Bc) 

Equation 4.65 

where is the weighting factor for component i, and is 
1J 

a binary interaction parameter that is independent of 

composition. The NIBS model has been shown63 to provide 

reasonably accurate predictions for naphthalene, iodine, 

p-dibromobenzene, benzil, p-benzoquinone, anthracene, pyrene 

and carbazole solubilities in systems containing only 

nonspecific interactions. Precise applicability of eqn. 

4.65 to the Gibbs free energy and its temperature and 

pressure derivatives requires that weighting factors be 

independent of both variables. Therefore, molar volumes and 

experimentally determined weighting factors must be regarded 

as approximations of these true weighting factors, and for 

applications to conditions of varying temperature and/or 

pressure, they should be referred to a specific condition, 

such as 303.15 and 1 atm, or to an extrapolated state, such 

as a "close-packed" volume. For our applications, weighting 

factors will be approximated by the stoichiometric size 

parameter vL. 

Combination of eqns. 4.62 and 4.65 yields the following 

expression for the total Gibbs free energy of mixing of the 

ternary system (per stoichiometric mole of solution) 
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AGABC = RT [ nA In 0A + nB In (CBfl/C"B/1) + nc In (Cc# 1fC'Ci x) 

+ nA(l - 0A) + nB vB CA + nc vc CA -

(nA vA + nB vB +ncvc) (<PB+ 7C)+ nB 7B + nc Yc* ] 

+ ( n A V A + n
B
 V B + nc Vc)"1 X ( nA V A n B V B BAB 

+ n A V A nc V C 6AC + nB VB nc V C BBc) 

Equation 4.66 

when weighting factors are replaced with the molecular size 

parameters vL. Thermodynamic principles relate solubility to 

chemical potential. For a system obeying eqn. 4.66 the 

volume fraction solubility of a crystalline solute A in 

alcohols B and C is 

RT In 0A
sat = RT [In aA

olid - (1 - 0^at) + vA (¥B + ?c) ] 

VA t̂ B ÂB + *C ®AC + ^B (®AB + ®AC "" ®Bc) 3 

Equation 4.67 

obtained by differentiating AGabc with respect to nA. 

Careful examination of the above expression reveals that the 

two solute-solvent interaction parameters, 6AB and BAC, can 

be calculated from the appropriate binary reduction 

RTln(0A
at)B = RT[In aA

solid -1 + (0A
sat)B + vA T*B ] - vA 0B

2 Bab 

Equation 4.68 

and 
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RTln (0A
sat)c = RT[ln aA

solid -1+ (0A
sat)c + vA ?*c ] - vA 0C

2 BAC 

Equation 4.69 

and measured volume fraction solubilities in both pure 

alcohol cosolvents, (0A
at)B

 anc* (0A&t)c- Alternatively, if 

the saturation solubility is sufficiently small (0A
at « 0; 1 

- # A
a t « 1) eqns. 4.67, 4.68 and 4.69 can be combined to 

yield 

RT In 0A
sat = RT{ <p° [In (0A

sat)B - VA Y*B] 

+ &C [̂ -n a *̂) C ~ VA 

+ VA (̂ B + *C> ̂  + VA &C ^BC 

Equation 4.70 

Numerical values of YB and Tc are obtained from simultaneous 

(iterative) solution of eqns. 4.59 and 4.60. In the neat 

alcohols CB(or C) is simply the reciprocal of vB(or C). The 

computational procedure is described in greater detail 

elsewhere59,60. 
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CHAPTER V 

DISCUSSION OF RESULTS 

A. Interpretation of Pyrene Solubility Data Using Mobile 

Order Theory. 

Two previous papers1'2 have shown that Mobile Order 

Theory provides very reasonable predictions of the saturated 

mole fraction solubilities of anthracene dissolved in binary 

alcohol + alcohol solvent mixtures using a single 

equilibrium constant of KB = Kc = 5,000 cm
3 mol"1 for self-

association and of Kbc = KCB = 5,000 cm
3 mol"1 for 

heterogeneous H-bond chain formation. The overall average 

absolute deviations between predicted and observed 

solubilities was 1.6 %. Published papers1-10 have further 

documented that in the case of binary alkane + alkane and 

alkane + alcohol mixtures the predictive accuracy of Mobile 

Order theory equations is often comparable to (and sometimes 

even superior to) the corresponding expressions derived from 

the more conventional thermodynamic treatments such as the 

Nearly Ideal Binary Solvent (NIBS), Extended NIBS, Wilson, 

Mecke-Kempter and Kretschmer-Wiebe models. Prior to this 

dissertation research, published comparisons have not 

involved solvent systems containing more than one self-

245 
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associating cosolvent. 

Experimental solubility data for mixtures containing 

highly branched alcohols were very limited at the time of 

the earlier solubility investigation of Acree and Zvaigzne1. 

The authors did not believe that any slight improvement in 

predictive accuracy that might be gained from using 

"alcohol-specific" association constants necessarily 

warranted the very time-consuming computations required to 

obtain an optimized KAlcohol-value
 f o r e a c h different alcohol 

cosolvent studied. As additional solubility data becomes 

available, and as Mobile Order theory is extended to vapor-

liquid equilibria11 and to more complex aqueous-alcohol 

solvent mixtures12-13, it became important to re-examine the 

assumption that a single association constant is valid for 

all primary, secondary, branched and cyclic alcohols. A 

methyl-substituent in close proximity of the hydroxyl group 

is expected to sterically hinder both self- and cross-

association, thereby increasing the fraction of time during 

which a given alcohol molecule is free from hydrogen-

bonding . 

Optimized values of the Mobile Order theory association 

constants were obtained by fitting the Mobile Order model to 

isothermal vapor—liquid equilibrium data for binary mixtures 

of alkane (B) + alcohol (C). The criterion for the 

equilibrium is: 
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(i = B, C) 

Equation 5.1 

where Yif Xĵ , and p^at are the liquid phase activity 

coefficient, liquid phase mole fraction, vapor phase mole 

fraction, and pure component vapor pressure, respectively, 

of species i. The equilibrium (total) pressure is denoted 

as P. The correction factors are defined by 

Fi = fi/{fiat exp [(Vi/RT)(Pi - Pi
sat)]> 

Equation 5.2 

where f ®at and denote the fugacity coefficients for the 

pure saturated species i at the temperature of the mixture 

and for species i in the vapor mixture, respectively, and 

is the molar saturated liquid volume of pure species i. All 

fugacity coefficients were evaluated using the two-term 

virial equation (expansion in pressure). Second virial 

coefficients were calculated using the Tsonopoulos 

correction14. 

Mobile Order expressions for the liquid phase activity 

coefficients in mixtures of alkane (B) + alcohol (C) are 

given by 
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In yB = 0.5[In (0b/XB) + <t>c (l - VB/VC) ] 

+ (V B/V C)K C <t>£/ [1 + KC' 0 C ] + V B B B C (RT)" 1 

Equation 5.3 

and 

In yc = 0.5 [In (<pc/xc) + 0B (l - VC/VB)] 

+ ln(l + KC') - ln(l + KC" <t>c) - KC* 0 B 0C/(I + KC' 0 C) 

+ vc <t>i 6BC (RT)"1 

Equation 5.4 

where Kc = Kc/Vc. Earlier applications1-^'5'15-1® involving 

Mobile Order theory described nonspecific physical 

interactions in terms of a modified solubility parameter 

model. In computing alcohol-specific association constants 

the (6b - Sc)
2 parameter was replaced with the more general 

•®BC parameter because the bxnary liquid~vapor equilibrium 

data that is to be regressed involve several different 

temperatures. Published tabulations16-18 of 61 pertain to 

298.15 K, and to my knowledge there has been no systematic 

study examining how modified solubility parameters vary with 

temperature. 

Values for the two parameters Kc' and Bbc were obtained 

from binary total pressure using Barker's method19. 

Specifically, for a given set of parameter values, Eqns. 5.1 

for components B and C are solved by trial and error for the 

P r e s s u r e P and vapor phase mole fraction yB 

corresponding to each liquid mole fraction xB of an 
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isothermal set of total pressure data. The sum of the 

squares of the differences between the calculated and 

measured pressures is evaluated and a new set of parameter 

values is assumed according to the Nelder-Mead flexible 

polyhedron search method. The process is repeated until the 

sum of the squares is minimized. The optimized values of 

Kc' and 6bc are those numerical values which produce this 

minimum. Several binary vapor-liquid equilibrium data sets 

involved temperatures other than 298.15 K. For these 

systems, the numerical values of the association constants 

were corrected to 298.15 K using 

K298/K'T = e xP C-(AH°/R) (1/298.15 - 1/TK) J 

Equation 5.5 

with the molar enthalpy of hydrogen-bond formation taken to 

be AH° = - 25.1 kJ mol-1. 

Numerical values of the calculated association 

constants (corrected to 298.15 K) are tabulated in Table 

XXIV, along with the calculated 6BC-values and overall root 

mean square deviations in the back-calculated total 

pressures. The author thanks Professor Scott W. Campbell 

of the University of South Florida for performing all of the 

optimized association constant computations. Careful 

examination of Table XXIV reveals that the "optimized" 

association constant for any given alcohol does vary 
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slightly from one binary alkane + alcohol system to another. 

For example, in the three binary systems containing 2-

propanol the calculated association constant ranged from a 

lower value of Kc' = 20.7 for methylcyclohexane to an upper 

limit of Kc' = 28.1 for the cyclohexane cosolvent. Some 

variation in calculated values for the association constant 

of a given alcohol is to be expected. First, the hydrogen-

bonding treatment assumed in the original development of 

Mobile Order theory is probably much simpler than the actual 

situation. Second, values of the association constants will 

depend both upon the uncertainties in the experimental 

vapor-liquid equilibrium data and upon the particular 

solution model used to describe nonspecific physical 

interactions. 

The salient point to be made here is simply that the 

practical application of Mobile Order theory will eventually 

require a fixed value of the association constant at 298.15 

K for each alcohol, and that this will lead to some 

degradation of Mobile Order theory to represent multi-system 

and multi-property data. Computations reported show that 

the association constants of alcohols are significantly 

smaller than the value of KAlcohol = 5,000 cm
3 mol""1 

previously assumed for all alcohols. I strongly suspect 

that the larger KAlcohol = 5,000 cm
3 mol-1 was based either 

upon spectroscopic data or upon a thermodynamic treatment 

which failed to properly account for nonspecific 
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interactions. In the latter case, all solution nonideality 

would have been attributed to formation of molecular 

association complexes. 

One of the objectives of this study was to critically 

examine the ability of Mobile Order theory to predict pyrene 

solubilities in binary alcohol + alcohol solvent mixtures. 

Table XXV summarizes results of these computations for the 

self-association only (KBC = KCB = 0) and heterogeneous 

cross-association forms of Eqn. 4.29. Vapor-liquid 

equilibrium data could not be found in the chemical 

literature for binary alkane + 2-methyl-l-pentanol, hence, 

all Mobile Order theory entries for the six 2-methyl-l-

pentanol systems were made assuming KAlcohol = 5,000 cm
3 

mol-1. Columns 2 and 4 list results for the self-

association only treatment. Predictions including cross-

association are listed in the third and fifth columns of 

Table XXV under the headings of (4.29a) and (4.29a*). In 

the case of cross-association the stability constants were 

approximated as the geometric average of the equilibrium 

constants for the pure alcohols, ie., KBC = KCB = (KB Kc)
0*5. 

The geometric mean approximation is often invoked in 

applying association models to mixtures containing two 

alcohols. For example, Pradhan et al.21 regressed 

isothermal vapor-liquid equilibrium data for five binary 

alcohol + alcohol mixtures in accordance with the 

Kretschmer—Wiebe model. The computed K^j cross—association 
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constants differed only slightly from the geometric mean 

approximation. 

Fifty different systems were considered in this section 

of the dissertation study. Each system reports solubility 

data at seven binary solvent compositions spanning the 

entire mole fraction range, plus pyrene solubilities in both 

pure alcohol solvents. Solvents are abbreviated as: 1-

propanol (1-PrOH); 2-propanol (2-PrOH); 1-butanol (1-BtOH); 

2-butanol (2BtOH); 2-methyl-1-propanol (2-Me-1-PrOH); 3-

methyl-l-butanol (3-Me-l-BtOH); 1-Octanol (1-OctOH); 2-

ethyl-l-hexanol (2-Et-l-HexOH); 2-methyl-l-pentanol (2-Me-l-

PtOH); and cyclohexanol (CyOH). Systems selected include 

both linear and branched alcohols ranging in size from Vĵ  = 

75.10 cm3 mol-1 to Vĵ  = 158.30 cm3 mol-1. Solute and solvent 

molar volumes and modified solubility parameters used in the 

Mobile Order predictions are listed in Table XXVI. The 

molar volume of the subcooled pyrene solute is approximated 

as VA = 166.5 cm
3 mol"1. An uncertainity of ± 10 % in the 

numerical value assumed for VA contributes very little to 

the error to the overall solubility predictions. The 

modified solubility parameters account for only nonspecific 

interactions, and in the case of the alcohol solvents the 

hydrogen-bonding contributions have been removed. Numerical 

values of ^ were obtained from published compilations16-18, 

and were either deduced by regressing actual solubility data 

of solid n-alkanes in organic solvents in accordance with 
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Solvent and Solute Properties Used in Mobile 

Order Predictions for Pyrene and Anthracene. 

Component (i) K°pt/(cm3/mol) Vj^cm 3 mol-1) 61 / (MPa1/2) 

1-Propanol 2450 75 .10 17. 29 

2-Propanol 1825 76 .90 17. 60 

1-Butanol 2960 92 .00 17. 16 

2-Butanol 1560 92 .4 16. 60 

1-Pentanol 2015 108 .60 16. 85 

2-Pentanol 1435 109 .50 16. 45 

1-Octanol 2400 158 .30 16. 38 

2-Methyl-l-propanol 1720 92 .8 16. 14 

3-Methyl-l-butanol 2130 109 .8 16. 00 

2-Methyl-2-butanol 1183 109 .5 16. 75 

2-Methyl-1-pentano1 124 .52 15. 85 

4-Methy1-2-pentano1 127 .25 15. 85 

2-Ethyl-l-hexanol 1730 157 .09 16. 60 

Cyclohexanol 1530 106 .00 17. 88 

2-Methoxyethano1 79 .40 20. 80 

2-Ethoxyethanol 97 .50 20. 30 

2-Propoxyethanol 114 .92 19. 80 

2-Butoxyethano1 131 .92 19. 20 

3-Methoxy-1-butano1 115 .09 19. 80 
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TABLE XXVI. Continued. 

Component (i) Kfpt/ (cm3/mol) V ^ c m 3 mol-1) / (MPa1/2)a 

Anthracene13 150.0 

Pyrenec 166.5 

a Tabulated values are taken from a either compilation given 

in Ruelle et al. 16~18,36
/ or are estimated using known 

values for similar alcohols. 

b The numerical value of a/013-*3 = 0.0104911 was calculated 

from the molar enthalpy of fusion, AH^US, at the normal 

melting point temperature of the solute, Tmp = 490 K. 

c The numerical value of a)f
olid = 0.131237 was calculated 

from the molar enthalpy of fusion, AH/us, at the normal 

melting point temperature of the solute, Tmp = 424.4 K. 
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the configurational entropic model of Huyskens and Haulait-

Pirson38 or estimated using known values for similar 

organicsolvents. The alcohol-specific association 

constants, which are listed in the second column of Table 

XXVI, represent the arithmetic average of values deduced by 

curve-fitting vapor-liquid equilibrium data of binary alkane 

+ alcohol mixtures as discussed above. 

Careful examination of Table XXV reveals that Mobile 

Order theory does provide very reasonable (though by no 

means perfect) predictions for the solubility behavior of 

pyrene in binary mixtures containing two alcohol solvents, 

particularly when cross-association is included in the 

theoretical treatment. Both cross association treatments 

gave overall average absolute deviations of about 2 % 

between predicted and observed pyrene mole fraction 

solubilities. For many of the systems studied, the 

deviation between predicted and observed values was only 

slightly larger than the experimental uncertainty associated 

with the measured solubility data. In the case of cross-

association treatment, no improvement in predictive accuracy 

was found for the alcohol-specific association constant 

computations. The much simpler KAlcohol = 5,000 cm
3 mol"1 

approximation gave nearly identical predicted values. Such 

was not the case, however, with the self-association only 

treatment. Here, significant degradation in predictive 

ability was noted each time the alcohol—specific association 
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constants were used. Moreover, predicted values were almost 

always larger than the observed values, as is indicated by 

the numerous algebraic positive signs in column 4 of Table 

XXV. 

Readers should note that in all Mobile Order theory 

predictions the aromatic hydrocarbon solute, pyrene, was 

assumed to be inert and is not permitted to form association 

complexes with either the monomeric alcohol or any of the 

presumed polymeric entities. Introduction of additional 

"curve-fit" association parameters for formation of pyrene-

alcohol molecular complexes would lead to reduced deviations 

between observed and calculated values. At this time, the 

slight reduction in percentage deviation does not 

necessarily warrant the increased calculational complexity 

whenever one realizes that it is possible to predict pyrene 

solubilities at all 294 binary solvent compositions (seven 

compositions for each of the 42 binary solvents) to within 

an overall average absolute deviation of less than 2 %. 

B. Interpretation of Pyrene Solubility Data Using the 

Kretschmer-Wiebe Association Model 

The Kretschmer-Wiebe association model can also be used 

to predict pyrene solubilities. Despite the complex 

appearance of Eqn. 4.67, its application to solubilities in 

binary alcohol + alcohol solvent mixtures is relatively 

straight-forward. The quantities (<£A
sat)B and (<*>A

sat)c are 
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calculated from the measured mole fraction solubility of the 

solid in the two pure solvents assuming that the excess 

molar volume (or alternatively, the volume change upon 

mixing) is zero. These values, along with the various 

molecular size parameters vL and a^
ol;Ld = 0.1312,19 are 

inserted into eqns. 4.68 and 4.69 and the two 6Ai solute-

solvent parameters are computed. 

The binary alcohol-alcohol interaction parameter is 

estimated using an unpublished correlation developed by 

Professor Scott W. Campbell of the University of South 

Florida from binary liquid-vapor equilibria data for 

mixtures of straight chain alcohols 

6bc (in J mol"1) = 91.43 [ (O^/Cne^ - 1] 

Equation 5.6 

where Cne is the effective carbon number of the alcohol (see 

Table XXVII22) . Cne2 is the larger of the two effective 

carbon numbers and Cne2 is the smaller one. The fiBC 

parameter is assumed to be independent of temperature. The 

cross-association equilibrium constant, KBC, is approximated 

as the geometric average of KB and Kc, ie., KBC = (KB Kc)
0,5. 

Values of self-association constants at 30 °C for a number 

of alcohols have been obtained by Schmidt and Campbell41 

from alcohol-alkane binary vapor-liquid equilibrium data. 

These are listed in Table XXVII along with a relation that 

allows their estimation at other temperatures. Next, Eqns. 
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Table XXVII. Self-Association Constants and Molar 

Volumes VL at Tref = 303.15 K, and Effective 

Carbon Numbers CnejL for Select C1-C12 Linear, 

Branched and Cyclic Alcohols 

Alcohol Kia Cne^ Vi 

Methanol 365.6 1.00 41.0° 

Ethanol 382.7 2.00 59.0 

1-Propanol 282.9 3.00 75.5 

2-Propanol 77.7 2.30 77.4 

1-Butanol 230.8 4.00 92.4 

2-Butanol 71.0 3.10 92.9 

2-Methyl-l-propanol 154.1 3.53 93.4 

2-Methyl-2-propano1 18.2 2.26 99.6 

1-Pentanol 204.9 5.00 109.1 

2-Pentanol 86.7 4.06b 110.0 

3-Pentanol 58.2 3.88b 108.6 

2-Methyl-l-butanol 154.2 4.54b 108.7 

3-Methy1-1-butano1 196.8 4.67b 109.7 

2-Methy1-2-butanol 24.6 3.23b 110.2 

1-Hexanol 234.8 6.00 125.7 

2-Methy1-1-pentano1 41.4 5.51 125.1 

2,3,3-Trimethyl-2-butanol 2.6 2.07b 139.6 

1-Octanol 153.8 8.00 160.1 

2-Ethyl-l-hexanol 50.1 7.41b 157.8 
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Table XXVII Continued. 

Alcohol Cneĵ  

1-Decanol 171.3 10.00 192.3 

1-Dodecanol 216.2 12.00 225.3 

Cyclohexanol 104.4 6.17b 106.4 

a Self-association constants at 298.15 K are calculated 

from the following correlation: In [K^T)/K^(303.15 K)] = 

- 10.783 In (T/303.15). 

b Effective carbon numbers were calculated using correlation 

of Ambrose and Sprake.39 

c Molar volumes were calculated using density data from the 

TRC Thermodynamic Tables of Non-Hydrocarbons.40 

d Experimental vapor-liquid equilibrium for binary alkane + 

2-methyl-l-pentanol and 4-methyl-2-pentanol mixtures could 

not be found in published chemical literature. 

Kretschmer-Wiebe association constants were estimated from 

experimental molar enthalpies of vaporization and normal 

boiling point temperatures of the neat alcohols and 

hydrocarbon homomorphs according to the method proposed by 

Nath and Bender22. Antoine constants used in the 

equilibrium constant composition were: A = 6.80909, B = 

1662.71 and C = -75.01 for 2-methyl-l-pentanol; and A = 

7.07349 and C = -57.93 for 4-methyl-2-pentanol. 
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4.59 and 4.60 are solved simultaneously (iterative) for ?B 

and ¥c. All calculated quantities and pure component 

properties are then substituted directly into Eqn. 4.67, and 

the saturation volume fraction solubility calculated at each 

desired binary solvent composition. 

The descriptive ability of Eqn. 4.67 was critically 

assessed using published solubility data for pyrene 

dissolved in 50 binary alcohol + alcohol solvent mixtures. 

Each system contains solubility data at seven different 

binary compositions spanning the entire mole fraction range, 

as well as the measured pyrene solubility in both pure 

alcohol cosolvents. The experimental mole fractions listed 

in Table XXVIII for six of the 50 systems considered 

represent the average of between four and eight independent 

determinations, with the measured values being reproducible 

to within + 1.5 % (or better). Columns 3 and 4 of the table 

list calculated values based upon Eqns. 4.67 and 4.70, 

respectively. The latter equation will be discussed 

shortly. A complete summarized comparison for the entire 

set of 24 systems is presented in Table XXIX. 

The various solute-solvent (6AB and £AC) and solvent-

solvent (SBC) binary interaction parameters generated during 

the course of the solubility predictions are tabulated in 

Table XXX. The author thanks Professor Scott W. Campbell of 

the University of South Florida for providing the computer 

programs used in the Kretschmer-Wiebe predictions. 
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Table XXVIII. Comparison Between Experimental Pyrene 

Solubilities in Binary Alcohol (B) + Alcohol 

(C) Solvent Mixtures and Predicted Values 

Based Upon the Kretschmer-Wiebe Model 

x; ,sat 

Predicted Values 

Eqn. 4.67 Eqn. 4.70 

1-Butanol (B) + 1-Propanol (C) 

0. 0000 0. 00622 — — — — — — 

0. 1265 0. 00606 0. 00599 0. 00599 

0. 2295 0. 00587 0. 00580 0. 00580 

0. 4508 0. 00543 0. 00538 0. 00538 

0. 5503 0. 00515 0. 00519 0. 00518 

0. 6450 0. 00496 0. 00500 0. 00500 

0. 8337 0. 00460 0. 00461 0. 00461 

0. 9162 0. 00443 0. 00444 0. 00444 

1. 0000 0. 00426 — — — _ _ _ 

2-Methyl-l-propanol (B) + 2-Ethyl-l-hexanol (C) 

0. 0000 0. 00326 — — — — — — 

0. 0639 0. 00376 0. 00376 0. 00376 

0. 1292 0. 00433 0. 00429 0. 00428 

0. 2622 0. 00537 0. 00542 0. 00542 

0. 3592 0. 00615 0. 00629 0. 00628 

0. 4824 0. 00722 0. 00743 0. 00742 

0. 7042 0. 00920 0. 00956 0. 00955 

0. 8052 0. 01022 0. 01055 0. 01055 

1. 0000 0. 01250 — — — — — — 



T a b l e X X V I I I . ( C o n t i n u e d ) 

2 7 1 

-sat 

P r e d i c t e d V a l u e s 

E q n . 4 . 6 7 E q n . 4 . 7 0 

1 - B u t a n o l (B) + 2 - P r o p a n o l (C) 

0 . 0 0 0 0 0 . 00622 - - — - - -

0 . 1 3 2 0 0 . 0 0 5 8 1 0 . 0 0 5 7 6 0 . 0 0 5 7 6 

0 . 4 4 8 6 0 . 00467 0 . 0 0 4 6 8 0 . 0 0 4 6 8 

0 . 5 6 1 1 0 . 00424 0 . 0 0 4 3 0 0 . 0 0 4 3 0 

0 . 6 4 2 3 0 . 0 0 3 9 8 0 . 0 0 4 0 3 0 . 0 0 4 0 3 

0 . 8 2 7 6 0 . 00339 0 . 0 0 3 4 3 0 . 0 0 3 4 3 

0 . 9 1 3 3 0 . 0 0 3 1 5 0 . 0 0 3 1 6 0 . 0 0 4 6 1 

0 . 9 1 6 2 0 . 0 0 4 4 3 0 . 00444 0 . 0 0 3 1 6 

1 . 0 0 0 0 0 . 00290 — — — 

1 - B u t a n o l (B) + 1 - O c t a n o l (C) 

0 . 0 0 0 0 0 . 00622 _ _ _ - -

0 . 0642 0 . 0 0 7 2 0 0 . 00708 0 . 0 0 7 0 8 

0 . 1279 0 . 0 0 8 1 0 0 . 00797 0 . 0 0 7 9 6 

0 . 2 6 7 7 0 . 01022 0 . 0 0 9 9 6 0 . 0 0 9 9 4 

0 . 3 7 3 1 0 . 0 1 1 6 8 0 . 0 1 1 5 0 0 . 0 1 1 4 7 

0 . 4 6 8 7 0 . 0 1 3 0 3 0 . 0 1 2 9 0 0 . 0 1 2 8 7 

0 . 7 0 1 8 0 . 01640 0 . 0 1 6 3 6 0 . 0 1 6 3 3 

0 . 8 5 4 6 0 . 0 1 8 7 0 0 . 01862 0 . 0 1 8 6 1 

1 . 0 0 0 0 0 . 0 2 0 7 7 «. — — 
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x sat 
P r e d i c t e d V a l u e s 

E q n . 4 . 6 7 E q n . 4 . 7 0 

1 - O c t a n o l (B) + l - P r o p a n o l (C) 

0 . 0 0 0 0 0 . 02077 — — — — — — 

0 . 2 1 5 5 0 . 01762 0 . 0 1 7 1 9 0 . 0 1 7 1 5 

0 . 3 5 5 8 0 . 01504 0 . 0 1 4 8 3 0 . 0 1 4 7 8 

0 . 5782 0 . 01138 0 . 0 1 1 0 8 0 . 0 1 1 0 3 

0 . 6799 0 . 00968 0 . 00939 0 . 0 0 9 3 3 

0 . 7 6 6 3 0 . 00824 0 . 00794 0 . 0 0 7 9 1 

0 . 8 8 9 5 0 . 00616 0 . 0 0 5 9 5 0 . 0 0 5 9 3 

0 . 9 4 3 9 0 . 00524 0 . 0 0 5 1 0 0 . 0 0 5 0 9 

1 . 0 0 0 0 0 . 00426 _ _ _ — — — 

2 - B u t a n o l (B) + l - 0 c t a n o l (C) 

0 . 0 0 0 0 0 . 00439 - — — — — — 

0 . 0 5 9 5 0 . 00522 0 . 00517 0 . 0 0 5 1 7 

0 . 1 3 0 3 0 . 00629 0 . 00617 0 . 0 0 6 1 6 

0 . 2794 0 . 00853 0 . 00844 0 . 0 0 8 4 1 

0 . 3664 0 . 00978 0 . 0 0 9 8 5 0 . 0 0 9 8 1 

0 . 4 7 0 8 0 . 01154 0 . 01158 0 . 0 1 1 5 4 

0 . 6 9 3 5 0 . 01506 0 . 0 1 5 4 1 0 . 0 1 5 3 6 

0 . 8304 0 . 01736 0 . 0 1 7 8 0 0 . 0 1 7 7 7 

1 . 0 0 0 0 0 . 02077 — — — — — — 
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Table XXIX. Summarized Comparison Between Experimental 

Pyrene Solubilities and Predicted Values 

Based Upon Kretschmer-Wiebe Eqs. (4.67) and 

(4.70). 

Solvent (B) + Solvent (C) 

% Deviations5 

Eq. (4.67) Eq. (4.70) 

1-OctOH + 1-BtOH - 1.2 - 1.4 

1-OctOH + 2-BtOH 1.4 1.3 

2-BtOH + 1-BtOH 0.9 0.9 

2-BtOH + 2-Me-1-PrOH - 1.4 - 1.4 

1-BtOH + 3-Me-1-BtOH 0.8 0.8 

3-Me-l-BtOH + 2-Me-1-PrOH - 3.1 - 3.2 

1-BtOH + 1-PrOH 0.7 0.7 

2-BtOH + 1-PrOH 0.2 o
 

• CO
 

2-PrOH + 1-PrOH 0.5 0.5 

1-OctOH + 1-PrOH - 2.8 - 3.3 

1-BtOH + 2-PrOH 0.9 0.8 

2-BtOH + 2-PrOH - 2.5 - 2.5 

3-Me-1-BtOH + 2-PrOH + 2.7 + 2.6 

2-Me-l-PrOH + 2-PrOH - 1.5 - 1.4 

1-PrOH + 2-Me-1-PrOH 0.9 0.9 

3-Me-1-BtOH + 1-PrOH 0.4 0.4 

1-OctOH + 2-PrOH - 2.5 - 3.0 

1-PrOH + 2-Et-1-HexOH + 3.5 + 3.3 

2-PrOH + 2-Et-l-HexOH + 6.0 + 5.7 

1-BtOH + 2-Et-l-HexOH + 3.8 + 3.7 

2-BtOH + 2-Et-l-HexOH + 2.9 + 2.7 
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% Deviations3 

Solvent (B) + Solvent (C) Eq, . (4.67) Eq. (4.70) 

2-Me-l-PrOH + 2-Et-l-HexOH 2.1 2.0 

3-Me-1-BtOH + 2-Et-l-HexOH 4.1 4.0 

1-OctOH + 2-Et-l-HexOH + 2.0 + 2.0 

1-PrOH + 1-PtOH + 1.0 + 0.9 

2-PrOH + 1-PtOH 0.5 0.4 

1-BtOH + 1-PtOH - 1.5 - 1.6 

2-BtOH + 1-PtOH 1.0 1.0 

2-Me-1-PrOH + 1-PtOH - 2.5 - 2.5 

3-Me-1-BtOH + 1-PtOH - 1.2 - 1.2 

2-PtOH + 1-PtOH - 1.1 - 1.1 

1-PrOH + CyOH 0.5 0.6 

2-PrOH + CyOH 1.4 1.3 

1-BtOH + CyOH -

00 • 
o
 

00 • 
o
 

2-BtOH + CyOH - 1.6 - 1.7 

2-Me-l-PrOH + CyOH 

00 • 
o
 0.8 

1-PrOH + 2-Me-l-PrOH 

00 • 
o
 0.8 

2-PrOH + 2-Me-1-PrOH 0.7 0.7 
1-BtOH + 2-Me-1-PrOH 0.6 0.5 
2-BtOH + 2-Me-l-PrOH 1.0 0.9 
2-Me-1-PrOH + 2-Me-1-PrOH - 1.2 - 1.2 
1-OctOH + 2-Me-l-PrOH 0.7 0.7 
1-PrOH + 2-Me-2-BtOH 1.6 1.5 
2-PrOH + 2-Me-2-BtOH 1.5 1.6 
1-BtOH + 2-Me-2-BtOH 0.4 0.4 
2-Me-1-PrOH + 2-Me-2-BtOH 2.1 2.0 
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% Deviations3 

Solvent (B) + Solvent (C) Eq. (4.67) Eq. (4.70) 

1-PtOH + 2-Me-2-BtOH 1.5 1.5 

2-PtOH + 2-Me-2-BtOH 0.7 0.7 

3-Me-l-BtOH + 2-Me-2-BtOH 0.9 0.9 

4-Me-2—PtOH + 2-Me-2-BtOH 0.6 0.5 

a % Deviation = (100/7) S j In [ (x|at)calc/ (x|at)exP] | . 

The algebraic negative sign indicates that the predictive 

equation underestimated the pyrene solubility at seven 

binary solvent compositions; whereas a positive algebraic 

sign is used to denote that the predictive expression over-

estimated the observed solubility at each of the seven 

binary solvent compositions. 
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Table XXX. Solute-Solvent and Solvent-Solvent Binary 

Interaction Parameters Used in the 

Kretschmer-Wiebe Predictions 

Component i + Component j Bij (J mol"1) 

Solute - Solvent 

Pyrene + 1-PrOH 1127.7 

Pyrene + 2-PrOH 1451.1 

Pyrene + 1-BtOH 1021.5 

Pyrene + 2-BtOH 1302.2 

Pyrene + 1-PtOH 877.0 

Pyrene + 2-PtOH 1150.4 

Pyrene + 1-OctOH 617.8 

Pyrene + 2-Me-1-PrOH 1432.6 

Pyrene + 2-Me—2-BtOH 1277.7 

Pyrene + 3-Me-1-BtOH 1199.2 

Pyrene + 4-Me-2-PtOH 1352.9 

Pyrene + 2-Et-l-HexOH 971.1 

Pyrene + 2-Me-1-PtOH 1143.4 

Pyrene + CyOH 878.6 

Solvent Solvent 

1-BtOH + 1-PrOH 30.5 

2-BtOH + 1-PrOH 3.0 

2-PrOH + 1-PrOH 27.9 

1-OctOH + 1-PrOH 152.5 

1-BtOH + 2-PrOH 67.6 

2-BtOH + 2-PrOH 31.8 

1-OctOH + 2-BtOH 144.6 

3-Me-1-BtOH + 2-PrOH 94.2 
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Component i + Component j 6 ^ (J mol"1) 

2-Me-l-PrOH + 2-PrOH 48.9 

1-PrOH + 2-Me-l-PrOH 16.2 

1-OctOH + 2-Me-1-PrOH 115.8 

3-Me-l-BtOH + 1-BtOH 15.3 

1-BtOH + 2-Me-1-PrOH 12.2 

2-BtOH + 2-Me-l-PrOH 12.7 

3-Me-1-BtOH + 2-Me-1-PrOH 29.5 

3-Me-1-BtOH + 1-PrOH 50.9 

1-OctOH + 2-PrOH 226.6 

1—OctOH + 1-BtOH 91.4 

2-BtOH + 1-BtOH 26.5 

1-PrOH + 2-Et-1-HexOH 134.4 

2-PrOH + 2-Et-l-HexOH 203.1 

1-BtOH + 2-Et-l-HexOH 77.9 

2-BtOH + 2-Et-l-HexOH 127.1 

2-Me-l-PrOH + 2-Et-l—HexOH 100.5 

3-Me-l-BtOH + 2-Et-l-HexOH 53.6 

1-OctOH + 2-Et-l-HexOH 7.3 

1-PrOH + 2-Me-l-PtOH 76.5 

2-PrOH + 2-Me-l—PtOH 127.6 

1-BtOH + 2-Me-1-PtOH 34.5 

2-BtOH + 2-Me-l-PtOH 71.1 

2-Me-1-PrOH + 2-Me-l-PtOH 51.3 

1-OctOH + 2-Me-l-PtOH 41.3 

1-PrOH + CyOH 96.6 

2-PrOH + CyOH 153.8 
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Table XXX. Continued. 

Component i + Component j (J mol-1) 

1-BtOH + CyOH 49.6 

2-BtOH + CyOH 90.5 

1-PrOH + 2-Me-2-BtOH 7.0 

2-PrOH + 2-Me-2-BtOH 37.0 

1-BtOH + 2-Me-2-BtOH 21.8 

2-Me-1-PrOH + 2-Me-2-BtOH 8.5 

1-PtOH + 2-Me-2-BtOH 50.1 

2-PtOH + 2-Me-2-BtOH 23.5 

3-Me-1-BtOH + 2-Me-2-BtOH 40.8 

4-Me-2-PtOH + CyOH 26.6 
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Careful examination of Tables XXVIII and XXIX reveals 

that the Kretschmer-Wiebe model provides very accurate 

predictions for the solubility of pyrene dissolved in binary 

alcohol + alcohol solvent mixtures. Average absolute 

deviations between observed and predicted values were 2.0 % 

for both eqns. 4.67 and 4.70. For many of the systems 

studied the predictive error was less than the experimental 

uncertainty associated with the measured pyrene mole 

fraction solubilities. 

The third and fourth columns in Tables XXVIII and XXIX, 

respectively, provide a summarized comparison between 

measured pyrene solubilities and calculated values based 

upon this simplified predictive expression. Careful 

examination of Tables XXVIII and XXIX reveals that there is 

essentially no difference regarding the predictive accuracy 

of eqns. 4.67 and 4.70 for the systems considered here. 

Pyrene has a sufficiently low mole fraction (and volume 

fraction) solubility in alcohol cosolvents, and the infinite 

dilution approximation of <f>£at « 0 is completely valid. 

This will not necessarily be the case, however, in planned 

subsequent studies which will involve the more soluble 

phenanthrene polycyclic aromatic hydrocarbon solutes. 

One of the objectives of this study was to compare in 

tSte-a-tete fashion the applications and limitations of 

predictive expressions based upon Mobile Order theory 

against those derived from the more conventional 
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thermodynamic association models, such as the Kretschmer-

Wiebe model. Earlier papers4,41'42 reported that Mobile 

Order theory was comparable to, and sometimes superior than, 

both the Kretschmer-Wiebe and Mecke-Kempter models in regard 

to predicting the solubility of anthracene in binary alcohol 

+ saturated hydrocarbon solvent systems. The two 

aforementioned comparisons involved only a single self-

associating alcohol cosolvent, and did not consider 

formation of heterogeneous hydrogen-bonded polymers that 

results whenever two dissimilar alcohol cosolvents are 

present. 

Table XXV compares measured pyrene solubilities to 

calculated values based upon eqns. 4.22 and 4.29. Solvent 

properties used in the Mobile Order predictions are given in 

Table XXVI. Equation 4.22 assumes only formation of 

homogeneous B.̂  and alcohol hydrogen-bonded polymers, 

whereas the latter expression includes provisions for mixed 

BiCj heterogeneous polymers as well. Careful examination of 

Table XXV reveals that inclusion of mixed polymers improves 

the Mobile Order predictions slightly; an average absolute 

deviation of 3.4 % for eqn. 4.22 versus a slightly lower 

deviation of 2.2 % for eqn. 4.29. 

In a t&te-k-tete comparison of Mobile Order theory 

versus the Kretschmer-Wiebe model, both approaches provide 

reasonably accurate predictions for the measured pyrene 

solubilities in the 50 systems considered. The Kretschmer-
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Wiebe model does have an ever-so-slightly lower average 

absolute deviation between observed and predicted values of 

2.0 % for eqn. 4.70. For informational purposes, the 

"apparent" superiority of the Kretschmer-Wiebe model is much 

less than the experimental uncertainty associated with the 

measured solubility data. Each individual data point 

represents the average of four to eight independent 

determinations, the reproducibility of which was circa ± 1.5 

%. Without a more clear-cut distinction between models, it 

would be difficult to claim that either one is superior to 

the other. Moreover, it is impossible for me to determine a 

prior which of the two models will give the "better" set of 

predicted values for any given binary solvent system. 

C. Interpretation of Anthracene Solubility Data in Binary 

Alcohol + Alkoxyalcohol Solvent Mixtures Using Mobile Order 

Theory. 

Solubility of polycyclic aromatic hydrocarbons in 

alkoxyalcohols is determined to a large extent by both 

alcohol self-association and nonspecific interactions. The 

importance of nonspecific physical interactions can be 

illustrated by comparing measured anthracene and pyrene mole 

fraction solubilities in alkoxyalcohols to experimental 

solubility data in monofunctional alcohol cosolvents. 

Careful examination of Tables VII and IX reveals that 

anthracene and pyrene are considerably more soluble in 2-
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alkoxyethanol solvents than in the corresponding alcohols of 

similar size. For example, anthracene is nearly three times 

more soluble in 2-propoxyethanol than in 1-pentanol, the 

saturation mole fraction solubilities being x^at = 0.003343 

and xA
sat = 0.001097, respectively. 

Pyrene shows a similar 3.7-fold solubility enhancement 

in 2-propoxyethanol (x^at = 0.03400) relative to 1-pentanol 

(x^at = 0.00931). Pyrene is more stable than anthracene 

because of its' lower melting point temperature of T m p = 

424.2 K versus Tmp = 490 K and its' lower entropy of fusion 

of As/us = 40.3 J mol-1 K"1 versus As/us = 58.9 J mol-1 K"1. 

As discussed in Chapter II (see equation 2.11) if two solids 

have a similar entropy of fusion then the solid with the 

lower melting point temperature has the higher solubility in 

a given solvent. Similarly, if two solids have nearly 

identical melting temperatures then the one with the lower 

enthalpy of fusion has the higher mole fraction solubility. 

Again, the preceding argument assumes that solute-solvent 

interactions are comparable for the two solutes. 

Observed solubility enhancement may arise from either 

differences in the hydrogen-bonding characteristics of 

alkoxyalcohols versus alcohols or from differences in 

nonspecific interactions between the dissolved anthracene 

solute and the two solvent molecules. From a hydrogen-

bonding point-of-view, the alkoxy oxygen atom provides in 

principle a second site for the fixation of the hydroxylic 
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proton. Recalling from Chapter IV, the fraction of the time 

that the alkoxyalcohol's hydroxylic proton is free and not 

involved in hydrogen-bond formation, Ych:' i-s 

Ych: = + KC 0c/^C + ^OC 

= 1/[1 + (Kc + Koc) 0C/VC] 

Equation 4.30 

where Kc and KQQ refer to the stability constants for H-bond 

formation through the OH and alkoxy ether groups, 

respectively. 

Previous studies1'2'5'12 have assumed identical 

numerical values of Kc = 5,000 cm
3 mol"1 for the stability 

constant(s) for all monofunctional alcohols, and there is no 

reason for us to believe that the value(s) for 

alkoxyalcohols should be any different. Stability constants 

for H-bond formation involving alcohols and ethers, however, 

are much weaker13'43. Here, calculated values typically 

range between KQC = 100 cm
3 mol"1 and Koc = 300 cm

3 mol"1. 

Given the relative magnitudes of the two stability 

constants, combined with the fact that the alkoxy hydroxylic 

OH and ether 0 atom molar concentrations are equal, it is 

expected that hydrogen-bond formation should occur largely 

through the OH group. Close proximity of the OH and O 

functional groups may further encourage proton fixation at 

the OH "acceptor" site. 
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Assuming for the moment numerical values of Kc = 5,000 

cm3 mol-1, Koc = 100 cm
3 mol"1 and Vc = 100 cm

3 mol-1, we 

calculate that a typical alkoxyalcohol would be engaged in 

hydrogen-bonding approximately 98 % of the time. Similarly, 

the corresponding alcohol solvent molecule of comparable 

molecular size (KB = 5,000 cm
3 mol-1 and VB = 100 cm

3 mol-1) 

would also be involved in hydrogen-bond formation circa 98 % 

of the time. The calculations, albeit only approximate, 

suggest that the observed solubility enhancement does not 

result from differences in hydrogen-bonding. 

Rather, I believe that a more plausible explanation 

involves differences in nonspecific interactions between the 

dissolved anthracene solute and the two different solvent 

molecules. Nonspecific interactions are incorporated into 

Mobile Order Theory through the 02
solvent VA(5A - «S'solvent)

2 

(RT)-1 term in eqn. 4.15. The modified solubility 

parameters, 6^, account for only nonspecific interactions, 

and in the case of both alcohol and alkoxyalcohol solvents, 

the hydrogen-bonding contributions have been removed. To 

illustrate this point, consider the previously published 

anthracene solubility data44 in selected alkanes, 

cycloalkanes and tetrachloromethane, which is given in Table 

XXXI. Included in the table are the molar volumes and 

modified solubility parameters of the eight non-associating 

solvents. Numerical values of S'solvent were obtained from 

published compilations,16-18'36 and were either estimated 
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using known values for similar solvents or deduced by 

regressing solubility data of solid n-alkanes in organic 

solvents in accordance with the configurational entropic 

model of Huyskens and Haulait-Pirson.38 Any errors or 

uncertainties in the measured alkane data would naturally 

affect the calculated numerical values of <Ssoivent'
 a s woul<* 

any shortcomings of Huyskens and Haulait-Pirson model to 

back-calculate the observed mole fraction solubilities. 

For carbon tetrachloride and the seven saturated 

hydrocarbon solvents listed in Table XXXI, observed 

differences in the anthracene mole fraction solubility must 

result entirely from nonspecific interactions. Saturated 

hydrocarbons do not contain polar or polarizable functional 

groups. Experimental anthracene solubility data in 

saturated hydrocarbon solvents can be used to estimate the 

strength of nonspecific interactions in self-associating 

solvents such as alcohols and alkoxyalcohols through the 

0 solvent va(5a ' s solvent)2 (RT)-1 term, provided that one 

knows both the solute and all solvent modified solubility 

parameters. The modified solubility parameter of anthracene 

can be estimated by assuming that eqn. 4.15 must accurately 

describe the measured anthracene mole fraction solubilities 

in tetrachloromethane, cyclohexane and the remaining six 

hydrocarbon solvents. For solvents incapable of self-

association, the structuration factor, rs, equals zero. 

Performing the aforementioned computations, the numerical 
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value of S'solvent is found to range from S'A = 20.25 MPa
1/2 

(in n-octane) to = 21.10 MPa1/2 (in cyclohexane) . The 

average value of 5^ = 20.65 (+ 0.31) MPa1/2, when 

substituted into Eqn. 4.15 back-calculates the observed mole 

fraction solubilities to within 15 - 25 %, which will be 

taken as a rough indication of the ability of the Scatchard-

Hildebrand solubility parameter equation to describe the 

nonspecific physical contributions in systems free of 

specific interactions and molecular complexation. 

Inspection of eqn. 4.15 (with rs = 0) reveals that 

nonspecific interactions influence solubility behavior as 

follows: the saturation solubility increases as «S'solvent 

approaches S'h, with a maximum value being reached whenever 

5 A = s solvent* Assuming for the moment that alcohols and 

alkoxyalcohols have similar hydrogen-bonding 

characteristics, then anthracene should exhibit greater 

solubility in the solvents having S'solvent values closer to 

S'A = 20.65 MPa
1/2. Tabulated modified solubility 

parameters2'5'16-18'36 for alcohol solvents range from circa 

5 solvent
 = 1 6 - 0 0 MPa1/2 for 3-methyl-l-butanol to <S'solvent = 

17.29 MPa1/2 for 1-propanol. Although numerical Solvent" 

values for 2-methoxyethanol, 2-ethoxyethanol, 2-

propoxyethanol and 2-butoxyethanol were not given in the 

published tabulations, it can be argued that modified 

solubility parameters of alkoxyalcohols should exceed the 

tabulated values of the corresponding alcohols of comparable 
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molecular size. 

An alkoxyalcohol possess an ether oxygen atom in 

addition to the alcoholic OH functional group. In molecules 

where the ether oxygen atom is present, one generally finds 

a significant increase in the numerical value of the 

modified solubility parameter relative to that of the n-

alkane homolog, ie., S'soiVent
 = 17.96 MPa1/2 for dipropyl 

ether versus <s'solvent = 14.56 MPa
1/2 for n-hexane, S'solvent = 

17.45 MPa1/2 for dibutyl ether versus 5 s oi v e n t = 14.85 MPa
1/2 

for n-octane and <5'solvent = 16.16 MPa
1/2 for dipentyl ether 

versus 5'solvent = 15.14 MPa
1/2 for /2-decane.15-18'36 The 

effect does level off with increasing alkyl chain length. 

Based upon the above observations I estimate that the 

modified solubility parameters of the four 2-alkoxyethanol 

solvents studied should lie somewhere in the range of 

5 solvent = 1 9 . 0 MPa1/2 to 5 s o l v e n t = 21.0 MPa1/2, which is 

very close to the calculated modified solubility 

parameter(s) of anthracene of S'h = 20.65 (+ 0.31) MPa1/2. 

(Values of soivent = 20.8 MPa
1/2 for 2-methoxyethanol, 

6 solvent = 2 0 • 3 MPa1/2 for 2-ethoxyethanol, S'solvent = 19.8 

MPa1/2 for 2-propoxyethanol and 5'solvent = 19.2 MPa
1/2 for 2-

butoxyethanol will be used in the Mobile Order predictions 

to be presented later.) This suggests that the significant 

solubility enhancement noted in the 2-alkoxyethanol solvents 

(mole fraction solubility in 2-butoxyethanol is xB
sat = 

0.Q0378515) results largely from differences in nonspecific 
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interactions, as opposed to differences in the hydrogen-

bonding characteristics of the two solvent types. 

The preceding discussion focussed exclusively on the 

solubility of anthracene in either a neat alcohol and/or a 

neat alkoxyethanol solvent, where H-bond formation involved 

only the self-association of the solvent molecules. 

Extension of these ideas to binary alcohol (B) + 

alkoxyethanol (C) solvent mixtures may take one of two 

different paths, depending upon how one models hydrogen 

bonding. In the simplest treatment the two solvents are 

permitted to retain their own chemical identity and are 

allowed to form only homogeneous self-associated hydrogen 

bonds with the surrounding solvent molecules of the same 

type. A slightly more complicated treatment allows 

formation of heterogeneous hydrogen bonds between the 

alcohol and alkoxyethanol molecules. 

As shown in Chapter IV, this later treatment leads to 

the following predictive expression for the saturation 

solubility of a sparingly soluble solute dissolved in a 

binary alcohol + alkoxyalcohol solvent mixture 

in = *B° in (*A
oat)B + 0C° in (*A

sat)c 

- 0.5 [In (x°VB + x°Vc) - <p° In VB - <p° In Vc] 

- ( V a / V b ) 0 ° [ 0 ° ( K B / v B ) + 0 ° (K* b c/V c) ] 

* [1 + 4>B° ( K b / V b ) + 0c° ( K b c / V c ) ]
_ 1 

+ lVA K b 0 b°/
VB 2) (1+K b/V b)

 1 (V a/V c)0^
)[0^ )(K c b/V b) +</>c(K^/Vc) ] 
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* [1 + 0 ° (K C B/V B) + 0C° (K Q/V C) ]
- 1 

+ (VA K Q 0 C°/V C
2) (1 + KC/VC) - 1 + V A 0B° 0 ° (5B' - SC')

2 (RT)"1 

Equation 4.34 

with the two "pseudo" equilibrium/stability constants 

defined as K*BC = K B C + KQBC and K*C = K C + K O C . It should be 

noted that the final derived expression is mathematically 

identical to eqn. 4.30, with the only difference being that 

the actual numerical value(s) assumed for K*c and K B C may 

not necessarily equal Kc = KBC = 5,000 cm
3 mol-1. 

Predictive applications using eqns. 4.22 and 4.15 

require a prior knowledge of the various hydrogen-bonding 

stability constants and modified solubility parameters of 

all alcohol and 2-alkoxyethanol cosolvents. In an earlier 

section of this Chapter I have successfully assumed 

identical self-association (Kc = KB = 5,000 cm
3 mol-1) and 

cross-association (KBC = KCB = 5,000 cm
3 mol-1) stability 

constants when predicting pyrene solubilities in 50 

different binary alcohol + alcohol mixtures. Overall 

average absolute deviations between predicted and observed 

pyrene solubilities was 1.9 %. For calculational simplicity 

I will assume in the present study numerical values of K̂ , = 

5,000 cm3 mol-1 and K B C = 5,000 cm
3 mol-1 for the two 

"pseudo" stability constants in eqns. 4.22 and 4.34. Both 

"pseudo" stability constants represent the sum of the 

stability constants for hydrogen-bond formation through the 
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hydroxylic OH and ether 0 groups on the 2-alkoxyethanols. 

As noted previously, stability constants involving 

alcohols with ethers are generally 10-20 times smaller than 

stability constants for alcohol self-association. Hydrogen-

bond formation should occur largely through the hydroxylic 

OH "acceptor" sites. Any assumed value between = 5,000 

cm3 mol-1 and K*c = 5,500 cm
3 mol"1 gives essentially the 

same fraction for the time that a typical 2-alkoxyethanol 

would be engaged in hydrogen-bonding, 98.0 % (for K*c = 

5,000 cm3 mol-1) versus 98.2 % (for K*c = 5,500 cm
3 mol-1). 

The descriptive abilities of eqns. 4.22 and 4.34 were 

critically assessed using the solubility data for anthracene 

dissolved 42 binary alcohol + alkoxyalcohol solvent 

mixtures45'46. Each system contains solubility data at 

seven different binary compositions spanning the entire mole 

fraction range, as well as the measured anthracene 

solubility in both pure solvents. The experimental mole 

fractions listed in Table XXXII for six of the 42 systems 

considered represent the average of between four and eight 

independent determinations, with the measured values being 

reproducible to within + 1.5 % (or better). Columns 3 and 4 

of the table list calculated values based upon eqns. 4.22 

(with K^) and 4.34, respectively. The first predictive 

equation assumes only formation of homogeneous and Ci 

hydrogen-bonded alcohol chains, whereas the latter 

expression includes provisions for mixed BiCj H-bonded 
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Table XXXII. Comparison Between Experimental Anthracene 

Solubilities in Binary Alcohol (B) + 2-

Alkoxyethanol (C) Solvent Mixtures and 

Predicted Values Based Upon Mobile Order 

Theory 

x sat 

Predicted Values 

Eqn. (4.22) Eqn. (4.34) 

1-Propanol (B) + 2-Ethoxyethanol (C) 

0. 0000 0. 00591 — — — — — — 

0. 0759 0. 00730 0. 00741 0 .00723 

0. 1665 0. 000910 0. 000922 0 .000897 

0. 3100 0. 001217 0. 001241 0 .001206 

0. 4383 0. 001517 0. 001554 0 .001510 

0. 5398 0. 001776 0. 001814 0 .001763 

0. 7523 0. 002325 0. 002371 0 .002306 

0. 8762 0. 002675 0. 002689 0 .002620 

1. 0000 0. 002921 _ _ - _ « _ 

2 -Propanol (B) + 2-Ethoxyethanol (C) 

0. 0000 0. 00411 _ _ _ _ _ _ 

0. 0887 0. 000557 0. 000562 0 .000548 

0. 1707 0. 000718 0. 000715 0 .000696 

0. 3354 0. 001078 0. 001082 0 .001052 

0. 4666 0. 001401 0. 001424 0 .001383 

0. 5441 0. 001621 0. 001641 0 .001595 

0. 7602 0. 002243 0. 002284 0 .002222 

0. 8625 0. 002555 0. 002592 0 .002524 

1. 0000 0. 002921 — — — —. — — 



T a b l e XXXII . ( C o n t i n u e d ) 

2 9 3 

x ; X s a t 
P r e d i c t e d V a l u e s 

E q n . ( 4 . 2 2 ) E q n . ( 4 . 3 4 ) 

1 - B u t a n o l (B) + 2 - E t h o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 8 0 1 — — — - - -

0 . 1 0 2 8 0 . 0 0 0 9 8 8 0 . 0 0 1 0 0 2 0 . 0 0 0 9 7 7 

0 . 1 8 8 8 0 . 0 0 1 1 5 9 0 . 0 0 1 1 7 0 0 . 0 0 1 1 3 9 

0 . 3 8 4 8 0 . 0 0 1 5 6 3 0 . 001594 0 . 0 0 1 5 4 9 

0 . 4 8 8 0 0 . 0 0 1 7 6 1 0 . 0 0 1 8 3 4 0 . 0 0 1 7 8 3 

0 . 5 9 2 1 0 . 0 0 2 0 4 3 0 . 0 0 2 0 8 3 0 . 0 0 2 0 2 5 

0 . 7 7 8 4 0 . 0 0 2 4 9 6 0 . 0 0 2 5 2 4 0 . 0 0 2 4 5 6 

0 . 8 9 1 4 0 . 0 0 2 7 8 5 0 . 0 0 2 7 7 3 0 . 0 0 2 7 0 4 

1 . 0 0 0 0 0 . 0 0 2 9 2 1 _ _ _ _ _ _ 

1 - O c t a n o l (B) + 2 - E t h o x y e t h a n o l (C) 

0 . 0 0 0 0 0 . 0 0 2 1 6 0 _ _ _ _ _ _ 

0 . 1 7 2 5 0 . 0 0 2 5 0 2 0 . 0 0 2 5 0 4 0 . 0 0 2 4 4 2 

0 . 2 8 0 9 0 . 0 0 2 6 9 5 0 . 0 0 2 6 9 7 0 . 0 0 2 6 2 5 

0 . 4 9 7 8 0 . 0 0 2 9 0 3 0 . 0 0 3 0 5 9 0 . 0 0 2 9 7 5 

0 . 6 2 1 0 0 . 0 0 3 0 1 5 0 . 0 0 3 2 1 8 0 . 0 0 3 1 2 9 

0 . 7 1 1 5 0 . 0 0 3 0 8 5 0 . 0 0 3 2 8 7 0 . 0 0 3 1 9 8 

0 . 8 6 4 2 0 . 0 0 3 1 3 1 0 . 0 0 3 2 5 3 0 . 0 0 3 1 7 0 

0 . 9 2 9 1 0 . 0 0 3 1 0 2 0 . 0 0 3 1 5 6 0 . 0 0 3 0 8 3 

1 . 0 0 0 0 0 . 0 0 2 9 2 1 _ — — — — 
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x; x sat 
Predicted Values 

Eqn. (4.22) Eqn. (4.34) 

1-Pentanol (B) + 2-Methoxyethanol (C) 

0. 0000 0. 001097 — — — — — — 

0. 1305 0. 001346 0. 001311 0. 001277 

0. 2569 0. 001544 0. 001508 0. 001467 

0. 4776 0. 001875 0. 001866 0. 001814 

0. 5784 0. 002029 0. 002020 0. 001963 

0. 6716 0. 002131 0. 002145 0. 002085 

0. 8481 0. 002179 0. 002292 0. 002231 

0. 9137 0. 002194 0. 002300 0. 002243 

1. 0000 0. 002211 — — — _ _ _ 

2-Methyl-l-propanol (B)+ 2-Propoxyethanol (C) 

0. 0000 0. 00470 — — — — — -

0. 0777 0. 00616 0. 00621 0. 00607 

0. 1731 0. 000813 0. 000825 0. 000803 

0. 3021 0. 001123 0. 001151 0. 001119 

0. 4566 0. 001543 0. 001607 0. 001563 

0. 5514 0. 001815 0. 001915 0. 001862 

0. 7619 0. 002516 0. 002634 0. 002563 

0. 8920 0. 003027 0. 003070 0. 002998 

1. 0000 0. 003343 — — — .. — — 
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chains as well. A complete summarized comparison for the 

entire set of 42 alcohol + alkoxyalcohol solvent systems is 

presented in Table XXXIII. 

Solvents are abbreviated as: 1-propanol (1-PrOH); 2-

propanol (2-PrOH); 1-butanol (1-BtOH); 2-butanol(2-BtOH); 2-

methyl-l-propanol (2-Me-l-PrOH) ; 1-pentanol (1-PtOH); 3-

methyl-l-butanol (3-Me-l-BtOH); 1-Octanol (1-OctOH); 2-

ethyl-l-hexanol (2-Et-l-HexOH); 2-pentanol (2-PtOH); 4-

methyl-2-pentanol (4-Me-2-PtOH); 2-methoxyethanol (2-MeO-

EtOH); 2-ethoxyethanol (2-EtO-EtOH); 2-propoxyethanol (2-

PrO-EtOH) ; 2-butoxyethanol (2-BtO-EtOH) and 3-methoxy-l-

butanol (3-MeO-l-BtOH). The systems considered cover up to 

a 9-fold range in mole fraction solubility. 

Careful examination of Tables XXXII and XXXIII reveals 

that both expressions derived from Mobile Order theory 

provide reasonably accurate predictions for the solubility 

behavior of anthracene dissolved in binary alcohol + 

alkoxyalcohol solvent mixtures. The overall average 

deviation between calculated and observed values is 2.9 % 

and 2.5 % for eqns. 4.22 and 4.34, respectively. Although 

there is no clear superiority between the two predictive 

equations in terms of "goodness-of-fit", I believe that eqn. 

4.34 represents the better of the two equations. Alcohols 

and 2-alkoxyethanols both possess hydroxylic OH functional 

groups, and there is no reason to exclude formation of the 

B^j heterogeneous hydrogen-bonded chains in the binary 
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Table XXXIII. Summarized Comparison Between Experimental 

Anthracene Solubilities and Predicted Values 

Based Upon Mobile Order Eqs. (4.22) (with 

Kc*) and (4.34). 

% Deviationsa 

Solvent (B) + Solvent (C) Eq. (4.22) Eq. (4.34) 

1-PrOH + 2-MeO-EtOH 1.9 2.1 

2-PrOH + 2-MeO-EtOH 3.4 4.3 

1-BtOH + 2-MeO-EtOH 2.3 3.6 

2-BtOH + 2-MeO-EtOH 4.6 5.8 

2-Me-l-PrOH + 2-MeO-EtOH 3.6 2.9 

3-Me-1-BtOH + 2-MeO-EtOH + 5.5 3.9 

1-OctOH + 2-MeO-EtOH 3.0 2.7 

1-PrOH + 2-EtO-EtOH 1.7 - 1.1 

2-PrOH + 2-EtO-EtOH 1.1 - 1.8 

1-BtOH + 2-EtO-EtOH 1.7 1.5 

2-BtOH + 2-EtO-EtOH 0.7 - 3.1 

2-Me-1-PrOH + 2-EtO-EtOH + 2.6 1. 6 

1-PtOH + 2-EtO-EtOH + 3.5 1.2 

3—Me-l-BtOH + 2-EtO-EtOH + 5.3 + 2.6 

1-OctOH + 2-EtO-EtOH + 3.4 2.4 

1-PrOH + 2-PrO-EtOH + 3.6 1.1 

2-PrOH + 2-PrO-EtOH 0.7 - 2.2 
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Solvent (B) + Solvent (C) 

% Deviations5 

Eq. (4.22) Eq. (4.34) 

1-BtOH 

2-BtOH 

2-Me-l-PrOH + 

1-PtOH + 

3-Me-1-BtOH + 

1-OctOH + 

1-PrOH 

2-PrOH 

1-BtOH 

2-BtOH 

2-Me-1-PrOH + 

1-PtOH + 

3-Me-l-BtOH + 

1-OctOH + 

1-PrOH 

2-PrOH 

1-BtOH 

2-BtOH 

1-PtOH 

2-PtOH 

+ 2-PrO-EtOH 

+ 2-PrO-EtOH 

2-PrO-EtOH 

2-PrO-EtOH 

2-PrO-EtOH 

2-PrO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

2-BtO-EtOH 

+ 3-MeO-l-BtOH 

+ 3-MeO-1-BtOH 

+ 3-MeO-1-BtOH 

+ 3-MeO-1-BtOH 

+ 3-MeO-1-BtOH 

+ 3-MeO-1-BtOH 

+ 2.4 

1.1 

+ 2.9 

+ 4.0 

+ 6.3 

4.3 

1.1 

2.4 

+ 1.5 

2.3 

1.9 

+ 2.7 

+ 5.1 

+ 5.0 

+ 2.8 

2.6 

+ 2.9 

+ 3.0 

2.1 

1.1 

0.5 

- 2.5 

1.4 

1.7 

+ 3.7 

3.1 

2.0 

- 4.7 

1.2 

3.5 

1.0 

0.8 

2.7 

2.5 

0.4 

- 5.0 

1.2 

1.8 

1.3 

- 1.6 
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Solvent (B) + Solvent (C) 

% Deviationsa 

Eq. (4.22) Eq. (4.34) 

3-Me-l-BtOH + 3-MeO-1-BtOH + 5.9 3.3 

4—Me—1—BtOH + 3-MeO-l-BtOH + 5.9 + 3.2 

1-OctOH + 3-MeO-1-BtOH + 5.2 2.9 

2—Et—1—HexOH + 3-MeO-l-BtOH + 2.3 2.9 

2-EtO-EtOH + 2-MeO-EtOH 1.0 - 2.0 

2-PrO-EtOH + 2-MeO-EtOH 1.2 - 3.1 

2-BtO-EtOH + 2-MeO-EtOH 0.8 - 2.3 

2-PrO-EtOH + 2-EtO-EtOH 0.7 - 2.7 

2-BtO-EtOH + 2-EtO-EtOH 0.9 - 3.4 

2-BtO-EtOH + 2-PrO-EtOH + 1.5 — 1.1 

a % Deviation = (100/7) 2 | In [ (xjfat)calc/ (x£at)exP] | . 

The algebraic negative sign indicates that the predictive 

equation underestimated the anthracene solubility at seven 

binary solvent compositions; whereas a positive algebraic 

sign is used to denote that the predictive expression over-

estimated the observed solubility at each of the seven 

binary solvent compositions. 
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solvent mixtures. It should be noted that the two overall 

standard deviations compare very favorably both with the 

experimental uncertainty of circa ± 1.5 associated with each 

measured value, and with the 15 - 25 % predictive accuracy 

noted in Table XXXI when using the Scatchard-Hildebrand 

solubility parameter expression to describe the nonspecific 

physical interactions in Mobile Order solubility predictions 

involving anthracene dissolved tetrachloromethane and 

saturated hydrocarbon solvents. 

The preceding discussion, and mathematical derivations 

contained therein, was directed primarily to the special 

case in which all stability constants were nearly equivalent 

(i.e., K B = K C B = K*BC = = 5,000 cm3 mol-1). As part of 

the presentation, two types of mixed hydrogen-bonded polymer 

chains were postulated. One chain involved only hydrogen-

bond formation through the hydroxylic OH groups, whereas in 

the second chain hydrogen-bonding could also occur through 

the alkoxy oxygen atom. These ideas can be extended to 

binary solvent mixtures containing two alkoxyalcohols. All 

self-association and cross-association hydrogen-bond 

stability constants are set equal to 5,000 cm3 mol-1. Table 

XXXIV summarizes the ability of Mobile Order theory to 

predict anthracene solubilities in 6 binary alkoxyalcohol + 

alkoxyalcohol solvent mixtures. Careful examination of the 

numerical entries reveals that Mobile Order theory also 

provides a very accurate mathematical description of the 
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Summarized Comparison Between Experimental 

Anthracene Solubilities and Predicted Values 

Based Upon Mobile Order Theory Eqn. (4.29). 

Solvent (B) + Solvent (C) 

% Deviations5 

Eq. (4.29) 

2-EtOxOH + 2-MeOxOH 1.9 

2-PrOxOH + 2-BtOH - 3.3 

2-BtOxOH + 2-MeOxOH 1 to
 

• LO
 

2-PrOxOH + 2-EtOxOH - 2.7 

2-BtOxOH + 2-EtOxOH - 3.3 

2-BtOxOH + 2-PrOxOH - 1.1 

a % Deviation = (100/7) S | In [ (x^at)calc/ (x||at)exp] | . 

The algebraic negative sign indicates that the predictive 

equation underestimated the anthracene solubility at seven 

binary solvent compositions; whereas a positive algebraic 

sign is used to denote that the predictive expression over-

estimated the observed solubility at each of the seven 

binary solvent compositions. 
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solubility behavior of anthracene in all six binary solvent 

mixtures. Deviations between predicted and observed values 

are comparable to the uncertainty associated with the 

experimental data. 

D. Prediction of Solute Solubility in Binary Alcohol + 

Water Solvent Mixtures Using Mobile Order Theory. 

Discussion thus far has been limited to solvents 

containing only a single hydrogen-bonding proton. Mobile 

Order theory is also applicable to solvent mixtures 

containing water. Derived equations (see Chapter IV) do 

contain additional equilibrium constants to desrcibe 

formation of the second hydrogen-bonded chain. 

Despite the complex appearance of Eqn. 4.52 its' 

application to solubilities in alcohol + water solvent 

mixtures is relatively straightforward and is similar to 

numerical examples presented previously (for example, 

McCargar and Acree47) . The quantities (<P&at)B and (0^at)w 

are calculated from measured mole fraction solubility of the 

solid in the pure solvents assuming that the excess molar 

volume (or alternatively the volume change upon mixing) is 

zero. These quantities, along with the molar volumes, 

modified solubility parameters, and assumed values for the 

equilibrium constants (KB, KW1 and Kw2) , are then used in 

Eqn. 4.52 to calculate 0^at at each binary solvent 

composition. If desired, the entire procedure can be 
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repeated until the "best" set of equilibrium constants is 

found. 

The chemical literature contains only limited 

solubility data for crystalline solutes dissolved in binary 

alcohol + water mixtures. Many of the systems that were 

found were not suitable for testing the limitations and 

applications of Eqn. 4.52 because the solutes were either 

ionic in nature or had polar functional groups. Such 

solutes were likely to form solute-solvent complexes with 

one or both cosolvents. Several data sets had to be 

eliminated from consideration because of extremely large 

uncertainties in the measured values or because of 

questionable experimental procedures such as not using high 

purity chemicals, not maintaining a constant equilibration 

temperature, or using times believed to be too short for 

equilibrium to be attained. After careful evaluation of 

published solubility data, I selected three data sets 

involving 4-chlorobiphenyl dissolved in binary methanol + 

water, ethanol + water and 1-propanol + water mixtures.48 

The three systems selected cover up to a 3 x 105-fold range 

in mole fraction solubilities. 4-Chlorobiphenyl is 

considerably more soluble in alcohols than in water. Each 

system contains solubility data at six different binary 

compositions spanning the entire volume fraction range, as 

well as the measured 4-chlorobiphenyl solubility in both 

solvents. Accuracies of the 22 experimental solubilities 
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used are believed to be as follows: 15 data points are 

accurate to within 30 %, 5 data points have uncertainties 

between 30-90 % and 2 of the reported values have 

uncertainties greater than 90 %. Stated accuracies are 

based upon standard deviations of replicate measurements and 

the 95 % confidence interval calculated by the reporting 

authors48. 

Table XXXIV provides a summarized comparison between 

Mobile Order predictions and experimental solubilities for 

4-chlorobiphenyl dissolved in three binary alcohol + water 

solvent systems. Numerical values used in the predictions 

include molar volumes of VWater = 18.1 cm
3 mol-1, VMethanol = 

40.7 cm3 mol-1, VEthanol = 58.7 cm
3 mol-1 and VPropanol = 75.1 

cm3 mol-1, and modified solubility parameters of <S water = 

20.50 MPa1/2, S Methanol = 1 9' 2 5 MPa1/2, «S 'Ethanol = 17.81 MPa
1/2 

and S propanoi
 = 1 7- 2 9 MPa1/2 for the four pure solvents. A 

molar volume of VA = 162.3 cm
3 mol-1 was assumed for the 

hypothetical sub-cooled liquid solute. This latter value 

was calculated via a group contribution method as 

^Chlorobiphenyl ~ ^Biphenyl + ^Chlorobenzene ~ ^Benzene' W h e r e 

VBiphenyl
 = 149.4 cm3 mol-1.44 Computations show 

that an error of + 10 % in Vchlorobiphenyl affects the 

predicted values by only 5 % (or less). 

Previous studies1-3,5,15,49 have shown that K*B » 5,000 

cm3 mol-1, K*wl « 8,500 cm
3 mol-1 and K*w2 ~ 180 cm

3 mol-1 are 

reasonable values for the stability constants for pure 
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TABLE XXXV. Comparison Between the Experimental 

4-Chlorobiphenyl Solubilities in Binary 

Alcohol (B) + Water (C) Solvent Mixtures and 

Predicted Values Based Upon Eqn. 4.52 of 

Mobile Order Theory 

(Xjfat) exp,a (x^at j caic Deviation15 

Methanol (B) + Water (W) 

0.00 1.44 x 10~2 

0.20 1.21 x 10~3 1.28 X 10"3 + 0.05 

0.40 9.31 X 10"5 1.13 X 10"4 + 0.19 

0.60 6.66 X 10~6 1.03 X 10~5 + 0.43 

0.80 5.54 X 10"7 9.90 X 10"7 + 0.58 

0.90 2.53 X 10"7 3.29 X 10"7 + 0.26 

0.95 1.80 X 10"7 1.98 X 10"7 + 0.10 

1.00 1.27 x 10"7 

Ethanol (B) + Water (W) 

0.00 3.30 x 10"2 

0.20 3.83 X 10~3 2.58 X 10"3 - 0.40 

0.40 4.08 X 10"4 1.98 X 10"4 - 0.72 

0.60 2.53 x 10~5 1.53 x 10"5 - 0.50 

0.80 7.42 X 10"7 1.22 X 10"6 + 0.50 

0.90 2.74 X 10"7 3.33 x 10~7 + 0.19 

0.95 1.86 X 10"7 2.10 X 10~7 + 0.12 

1.00 1.27 X 10"7 
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TABLE XXXV. Continued. 

<3̂  (x^at) exp,a ^^satjcaic Deviation13 

1-Propanol (B) + Water (W) 

0.00 4.13 X 10~2 - - -

0.20 6.68 X 10~3 3.15 X 10"3 - 0.75 

0.40 1.62 X 10"3 2.34 X 10"4 - 1.93 

0.60 2.86 X 10~4 1.72 X 10"5 - 2.80 

0.80 2.54 X 10"6 1.31 X 10"6 — 0.66 

0.90 3.68 X 10"7 3.81 X 10"7 + 0.04 

0.95 2.09 X 10"7 2.13 X 10~7 + 0.02 

1.00 1.27 X 10-7 

a Experimental solubilities were reported in the 

literature48 in units of moles/liter. 4-Chlorobiphenyl 

mole fraction solubilities were calculated using molar 

volumes of VWater = 18.1 cm
3 mol-1, VMethanol = 40.7 cm

3 

mol-1, 

vEthanoi = 58.7 cm3 mol-1 and VPropanol = 75.1 cm
3 mol"1 

Deviation = In (x^at)calc - In (x^at)exP. 
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alcohols and for water, respectively. For computational 

simplicity I have assumed that the two stability constants 

involving each solvent's first electron pair is independent 

of binary solvent composition, ie., KB = K*B and K W 1 = K*wl. 

This assumption seems reasonable in light of the fact that 

both stability constants are fairly large, and the 

computations are not too sensitive to the actual number 

value(s) assumed. "Computational insensitivity" can be 

rationalized in part as follows. First, the quantities KB 

[ (0B>/VB)
 + (0w/vw) 3 A N D (K*B/Vb) are both much larger than 

unity. The two terms involving the alcohol's hydrogen-

bonding contribution in Eqn. 4.52 thus mathematically cancel 

one another, leading to the following much simpler 

predictive expression: 

RT In 0A
sat = RT {0° In (0A

sat)B + 4$ In (0A
sat)w 

- 0.5 [In (x^VB + x^Vw) - In VB- <pyj In Vw}} 

- RT 0° (VA/VW) {Kw1[(0b°/Vb) + (0W°/VW)] 

+ ^ KW1KW2 [ (0^/Vg) 

+ (tf'w'VVw)]2}/*1 + KWI[(^B°/ VB) + (0w/vw)] 

+ KW1 KW2[(0B°/Vb) + (0W°/VW)]
2> 

+ RT 0° (VA/VW) [ (K*wl/Vw) 

+ 2 (KWI/V W)(K* W 2/V W)]/[1 + (K*WL/VW) +(K* W 1/V W)(K- W 2/V W)]} 

+ V A S B ~ ) 2 

Equation 5.7 
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Second, careful examination the above expression reveals 

that similar cancellation of water's two hydrogen-bonding 

terms occurs whenever Kw2 [ (0b/
v
b)

 + (0w/ vw)3 >:> 1 a n d 

(K*w2/Vw) » 1. In this special set of circumstances, Mobile 

Order theory predicts that the logarithm of the solute's 

volume fraction (or alternatively molar) solubility in a 

binary solvent mixture is a simple volume fraction average 

of the logarithm of the solute's volume fraction (or 

alternatively molar) solubility in each pure solvent 

- 0.5 [In (x^VB + x^Vw) - <p£ In VB - In Vw] 

+ VA (5B " fiw)2 (RT)_1 

Equation 5.8 

plus terms of - 0.5 [In (x^VB + x^Vw) - 0^ In VB - 0^ In Vw] 

and VA 0^ 0^ (5'B - S^)
2 (RT)"1 to account for molecular 

size disparity and nonspecific interactions present in the 

binary solvent mixture, respectively. Had the Flory-Huggins 

definition of solution ideality been assumed for the 

configurational entropy, rather than the Huyskens and 

Haulait-Pirson model, then the first correction would 

disappear. Except for the two correctional terms, Eqn. 5.8 

is identical to the Log-Linear model suggested by Yalkowsky 

and coworkers50-55 for describing the solubility of 

crystalline solutes in a wide range of binary aqueous-
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organic solvent systems. The fact that Mobile Order theory 

and the Log-Linear model share a common mathematical form 

suggests that many of the systems that have been described 

successfully by the Log-Linear equation should also be 

describable by Mobile Order theory whenever the simplifying 

approximations discussed above are realized. 

Predictive expressions based upon Mobile Order theory 

are more versatile than the Log-Linear model, however, 

because stability constants are not necessarily solvent 

independent. In the case of Kw2 one can put forth a 

reasonable argument to the contrary. Water's second 

hydroxylic proton has two possible "acceptor" sites. The 

probability of hydrogen-bonding with the second electron 

pair on the alcohol's oxygen atom versus hydrogen-bonding 

with the second electron pair on water1s oxygen atom depends 

upon the relative strength of the two H-bonds to be formed 

(as would be reflected by the relative magnitude of the 

stability constants) and the concentration of each type of 

electron pair. While electron donor power of the alcohol 

and water molecules are weakened by the first-hydrogen bond 

there is no compelling theoretical reason and/or 

experimental evidence to support the idea that the second 

hydrogen-bond strengths are identical. In fact, one would 

expect different strengths because of both steric hinderance 

around the oxygen atom (alcoholic R-group versus water H-

atom) and the electron donating abilities/tendencies of the 
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functional groups covalently bonded to the oxygen atoms. 

From an operational standpoint, Mobile Order theory 

treats the stability constants as "average value(s).n 

Actual numerical value(s) should depend to a large extent on 

the relative weights afforded the alcoholic oxygen and water 

oxygen contributions. These contributions should be solvent 

dependent. Predicted solubilities listed in Table XXXIV 

were calculated assuming a compositional dependence of Kw2 = 

K*w2 +
 2 0 0 0b + 800 0B <f>£. No attempt was made to optimize 

the mathematical function or the three coefficients used. 

The first coefficient was set equal to K*w2 = 180 cm
3 mol-1 

in order to ensure that Eqn. 4.52 reduces to a correct 

thermodynamic descrption of the solubility behavior in pure 

water. The experimental uncertainty/error associated with 

the observed solubilities is too large to attempt meaningful 

determination of how the mixture Kw2 might vary with binary 

solvent composition. 

Careful examination of the last three columns in Table 

XXXV reveals that Mobile Order theory does provide fairly 

reasonable (though by no means perfect) predictions for how 

the solublity of 4-chlorobiphenyl varies with binary solvent 

composition. Deviations are reported in the last column as 

Deviation = In (Xjfat)calc - In (x/at)exp. With few 

exceptions, predicted values are within a three-fold 

deviation of measured saturation mole fraction solubilities. 

The deviation is admittedly larger than what was hoped for 
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based upon our earlier studies1-3'5'9'15 involving anthracene 

and pyrene solubilities in binary alkane + alcohol and 

alcohol + alcohol solvent mixtures. The 3 x 105-fold range 

in saturation mole fractions is considerably larger than the 

3-fold to 9-fold range(s) noted in our earlier studies. 

Slightly better predictions could perhaps be obtained by 

adding stability constant(s) for formation of possible 

chlorobiphenyl-alcohol and/or chlorobiphenyl-water molecular 

complexes. The two benzene rings on the solute are a source 

of TT—cloud electron density, which could conceivably 

interact with the hydroxylic protons on both cosolvents. At 

this time, however, I do not feel that the slight reduction 

in percentage deviation necessarily warrants the increased 

calculational complexity when one remembers that the 

experimental uncertainties of several of the experimental 

data points were + 30-50 %. Taking the much larger 

solubility range encompassed and the possibility of specific 

solute-solvent interactions into consideration, I find that 

Eqn. 4.52 although by no means perfect, is an acceptable 

mathematical description of solute solubility behavior in 

the highly nonideal aqueous-alcohol solvent mixtures. 

In fairness to Eqn. 4.52 one should not only compare 

predicted and measured solubilities as in Table XXXV, but 

also compare predicted values to those derived from the more 

conventional thermodynamic treatments in our assessment of 

the applications and limitations of the basic Mobile Order 
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theory. Such evaluations would eliminate any wrong 

conclusions that might be drawn from erroneous data points. 

Each model considered would show poor agreement between the 

predicted mole fraction solubility and any incorrect 

measured value. Fortunately, Li and Andren48 have used the 

same three 4-chlorobiphenyl data sets in comparing the 

predictive abilities of the Log-Linear, Excess Free Energy, 

UNIFAC, Extended Regular Solution and Phenomenological 

models 48. The authors reported differences between 

calculated and observed mole fraction solubilities as 

Deviation = In (x^^)0*1*3 - In (Xjfat)exp. Differences 

between predicted and experimental values are depicted in 

Figures 9 and 10 for Mobile Order theory versus the Log-

Linear, UNIFAC and Extended Regular Solution models. The 

latter three models were selected from the five studied by 

Li and Andren because each one contains very few adjustable 

curve-fit parameters. Examination of Figures 9 and 10 

reveals that the predictive accuracy of eqn. 4.52 is 

comparable to and indeed sometimes superior than expressions 

derived from the three conventional solution models. For 

any given binary solvent system and binary solvent 

composition there is no a prior way of knowing which 

predictive expression will give the better estimation of 4-

chlorobiphenyl solubility. All four models severely 

underpredict the observed solubility in the binary 1-

propanol + water solvent system at 0propanoi ~ 0.40, 
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Figure 9. Deviations between observed mole fraction 
solubilities in binary alcohol + water solvent 
mixtures and calculated values based upon Mobile Order 
theory [Eqn. 4.52] and the Log-Linear model. The three 
alcohol cosolvents are methanol (•) , ethanol (•) and 
1-propanol (•) . 
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Figure 10, Deviations between observed mole fraction 
solubilities of 4~-chlorobiphenyl dissolved in binary 
alcohol + water solvent mixtures and calculated values 
based upon the UNIFAC and the Extended Regular Solution 
models. The three alcohol cosolvents are methanol 
(•) , ethanol {•) and 1-propanol (A) . 
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suggesting that the measured value may be in error. 

Predictive expressions provide a convenient means to screen 

data sets for possible incorrect values in need of 

remeasurement. 
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APPENDIX : GLOSSARY OF SYMBOLS 

-̂ soiid activity of the solid solute, defined as the ratio 

of the fugacity of the solid to the fugacity of 

the pure subcooled liquid. 

CL molar concentration of component i. 

ACp difference between heat capacities of the solid 

and subcooled liquid solute, used in the 

computation of a^olid. 

AHA
fus molar enthalpy of fusion of the solid solute at 

its normal melting point temperature. 

Kb Kretschmer-Wiebe equilibrium constant describing 

the step-wise homogeneous self-association of 

monofunctional alcohol B, where the concentration 

units are molarity. Also used as the Mobile Order 

_ theory self-association constant. 

Kc Kretschmer-Wiebe equilibrium constant describing 

the step-wise homogeneous self-association of 

monofunctional alcohol C, where the concentration 

units are molarity. Also used as the Mobile Order 

theory self-association constant. 

^bc -̂ cb Kretschmer-Wiebe equilibrium constant describing 

the step-wise heterogeneous association of 

monofunctional alcohols B and C, where the 
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concentration units are molarity. Also used as 

the Mobile Order theory self-association constant. 

KWi, Kw2 First and second hydrogen-bonding stability 

constants for water , used in Order Theory in the 

calculation of the time that the hydroxylie proton 

is free from hydrogen-bonding in the binary 

alcohol + water mixture. 

K-Wi, K*w2 First and second hydrogen-bonding stability 

constants for water , used in Order Theory in the 

calculation of the time that the hydroxylic proton 

is free from hydrogen-bonding in pure water. 

ni number of moles of component i. 

T m p normal melting point temperature of the solute. 

Vi molar volume of component i. 

Vj_ normalized molecular size parameter used in the 

Kretschmer-Wiebe model, defined as the ratio of 

the molar volume of component i divided by the 

molar volume of methanol at 303.15 K. 

x^, x° mole fraction compositions of the ij binary 

mixture, calculated as if the third component were 

not present. 

xA
sat mole fraction solubility of the solute. 

Greek letters 

binary interaction parameter for components i and 

j, used in the mathematical description for 
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Ti 

YBS 

Aiajd) 

4>%, <P°c 

sat 
*A 

^solvent 

Total 

fB*, Yc* 

^B' *C 

nonspecific interactions. 

generalized weighting factor for component i, used 

in the Nearly Ideal Binary Solvent (NIBS) model 

for nonspecific interactions. 

fraction of time that alcoholic solvent B is not 

involved in hydrogen-bond formation. 

Scatchard-Hildebrand solubility parameter of 

component i. 

modified solubility parameter of component i. 

adjustable "curve-fit" parameter in the modified 

Wilson mathematical representation. 

ideal volume fraction compositions of the binary 

solvent mixture, calculated as if the solute were 

not present. 

ideal volume fraction solubility of the solute, 

ideal volume fraction of solvent. 

ideal volume fraction of component i in the "true" 

associated solution. 

total molar concentration of all true species in 

associated solution. 

total molar concentration of all species in the 

neat alcohol cosolvents. 

quantities defined by eqns. 4.25 and 4.40, 

respectively. 
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