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Preface to the First Edition

Crystallization is a separation and purification process used in
the production of a wide range of materials, from bulk com-
modity chemicals to specialty chemicals and pharmaceuticals.
While the industrial practice of crystallization is quite old,
many practitioners still treat it as an art. Many aspects of
industrial crystallization have a well-developed scientific
basis, and much progress has been made in recent years.
Unfortunately, the number of researchers in the field is small,
and this information is widely dispersed in the scientific and
technical literature. This book will address this gap in the
literature by providing a means for scientists or engineers to
develop a basic understanding of industrial crystallization and
provide the information necessary to begin work in the field, be
it in design, research, or plant troubleshooting.

Of the eleven chapters in this book, the first two deal with
fundamentals such as solubility, supersaturation, and basic
concepts in crystallography, nucleation, and crystal growth
and are aimed at those with limited exposure in these areas.

The second two chapters provide background in the important
area of impurity crystal interactions and an introduction to
crystal size distribution measurements and the population
balance method for modeling crystallization processes. These
four chapters provide the background information that is
needed to access and understand the technical literature and
are aimed at those individuals who have not been previously
exposed to this material or who need a review.

The remaining seven chapters deal with individual topics
important to industrial practice, such as design, mixing, pre-
cipitation, crystallizer control, and batch crystallization. In
addition, topics that have become important in recent years,
such as melt crystallization and the crystallization of biomole-
cules, are also included. Each chapter is self-contained but
assumes that the reader has knowledge of the fundamentals
discussed in the first part of the book.

Allan S. Myerson
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Preface to the Second Edition

Crystallization from solution and the melt continues to be an
important separation and purification process in a wide variety
of industries. Since the publication of this volume’s first edition
in 1993, interest in crystallization technology, particularly in
the pharmaceutical and biotech industries, has increased dra-
matically. The first edition served as an introduction to the
field and provided the information necessary to begin work in
crystallization. This new edition incorporates and builds on
increased interest in crystallization and incorporates new
material in a number of areas. This edition of the book includes
a new chapter on crystallization of proteins (Chapter 12),
a revised chapter on crystallization of pharmaceuticals
(Chapter 11), and a new chapter in an area gaining great
importance: crystallization in the food industry (Chapter 13).

Other topics that have become important in crystallization
research and technology include molecular modeling applica-
tions, which are discussed in Chapters 2 and 3; computational
fluid dynamics, which is discussed in Chapter 8; and precipita-
tion, which is discussed in a totally revised Chapter 6.

As in the first edition, the first four chapters provide an
introduction to newcomers to the field, giving fundamental
information and background needed to access and understand
the field’s technical literature. The remaining nine chapters
deal with individual topics important to industrial crystalliza-
tion and assume a working knowledge of the fundamentals
presented in Chapters 1 to 4.

Allan S. Myerson

Xi


https://doi.org/10.1017/9781139026949.019
https://www.cambridge.org/core
https://www.cambridge.org/core/terms



https://doi.org/10.1017/9781139026949.019
https://www.cambridge.org/core
https://www.cambridge.org/core/terms

Preface to the Third Edition

Crystallization science and technology have expanded drama-
tically since the first edition of this Handbook appeared in
1993. Advances in instrumentation and computation have
improved our fundamental understanding of crystallization
and have also advanced and improved the practice of crystal-
lization in the chemical, food, and pharmaceutical industries.
Interest in crystallization and the development of new crystal-
line materials has resulted in several new research journals
such as Crystal Growth and Design (American Chemical
Society) and Crystal Engineering Communications (Royal
Society of Chemistry), both established around the same time
as the second edition of this Handbook appeared in 2001. This
new edition attempts to address the many developments in the
field by the addition of a number of new chapters as well as
revisions and updates to all the other chapters. This edition
includes new chapters on crystal nucleation (Chapter 3), mole-
cular modeling applications in crystallization (Chapter 5),

precipitation and crystallization of pigments and dyes
(Chapter 16) and completely revised chapters on crystallizer
selection and design (Chapter 7), crystallization process mon-
itoring and control by process analytical technology (Chapter
11), crystallization in the pharmaceutical and bioprocess
industries (Chapter 13), and crystallization of proteins
(Chapter 14).

As in the previous editions, the first five chapters provide an
introduction to newcomers to the field, giving fundamental
information and background needed to access and understand
the field’s technical literature. The remaining eleven chapters
focus on individual topics relevant to industrial crystallization
and assume a working knowledge of the crystallization funda-
mentals presented in Chapters 1 to 5.

Allan S. Myerson, Deniz Erdemir, and Alfred Y. Lee

Xiii
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1.1 Introduction and Motivation

Crystallization is a separation and purification technique
employed to produce a wide variety of materials. Crystallization
may be defined as a phase change in which a crystalline product is
obtained from a solution. A solution is a mixture of two or more
species that form a homogeneous single phase. Solutions are
normally thought of in terms of liquids, but solutions may
include solids and even gases. Typically, the term solution has
come to mean a liquid solution consisting of a solvent, which is a
liquid, and a solute, which is a solid, at the conditions of interest.
The term melt is used to describe a material that is solid at normal
conditions and is heated until it becomes a molten liquid. Melts
may be pure materials, such as molten silicon used for wafers in
semiconductors, or they may be mixtures of materials. In that
sense, a homogeneous melt with more than one component is
also a solution, but it is normally referred to as a melt. A solution
can also be gaseous; an example of this is a solution of a solid in a
supercritical fluid.

Virtually all industrial crystallization processes involve
solutions. The development, design, and control of any of
these processes involve knowledge of a number of the proper-
ties of the solution. This chapter presents and explains solu-
tions and solution properties and relates these properties to
industrial crystallization operations.

1.2 Units

Solutions are made up of two or more components, of which
one is the solvent and the other is the solute(s). There are a
variety of ways to express the composition of a solution. If we
consider the simple system of a solvent and a solute, its com-
position may be expressed in terms of mass fraction, mole
fraction, or a variety of concentration units, as shown in
Table 1.1. The types of units that are commonly used can be
divided into those that are ratios of the mass (or moles) of
solute to the mass (or moles) of the solvent, those that are ratios
of the mass (or moles) of the solute to the mass (or moles) of
the solution, and those that are ratios of the mass (or moles) of
the solute to the volume of the solution.

While all three units are commonly used, it is important to
note that use of units of type 3 requires knowledge of the solution
density to convert these units into those of the other types. In
addition, type 3 units must be defined at a particular temperature
because the volume of a solution is a function of temperature. The
best units to use for solution preparation are mass of solute per
mass of solvent. These units have no temperature dependence,
and solutions can be prepared simply by weighing each species.

Allan S. MYCI‘SOH Massachusetts Institute of Technology

Solutions and Solution Properties

Jennifer Moffitt Schall massachusetts Institute of Technology

Table 1.1 Concentration Units

Type 1: Mass (or moles) solute/mass (or moles) solvent

grams solute/100 grams solvent

moles solute/100 grams solvent

Molal: moles solute/1000 grams solvent
lbm, solute/lb,, solvent

moles solute/moles solvent
Type 2: Mass (or moles) solute/mass (or moles) solution

Mass fraction: grams solute/grams total
Mole fraction: moles solute/moles total

Type 3: Mass (or moles) solute/volume solution

Molar: moles solute/liter of solution
grams solute/liter of solution

Ib,, solute/gallon solution

Conversion among mass (or mole) -based units is also simple.
Example 1.1 demonstrates conversion of units of all three types.

1.3 Solubility of Inorganics
1.3.1 Basic Concepts

A solution is formed by the addition of a solid solute to a
solvent. The solid dissolves, forming the homogeneous solu-
tion. At a given temperature, there is a maximum amount of
solute that can dissolve in a given amount of solvent. When this
maximum is reached, the solution is said to be saturated. The
amount of solute required to make a saturated solution at a
given condition is called the solubility.

Solubilities of common materials vary widely, even when
the materials appear to be similar. Table 1.2 lists the solubility
of a number of inorganic species (Mullen 1972; Myerson et al.
1990). The first five species all have calcium as the cation, but
their solubilities vary over several orders of magnitude. At 20°
C, the solubility of calcium hydroxide is 0.17 g/100 g water,
while that of calcium iodide is 204 g/100 g water. The same
variation can be seen in the six sulfates listed in Table 1.2.
Calcium sulfate has a solubility of 0.2 g/100 g water at 20°C,
while ammonium sulfate has a solubility of 75.4 g/100 g water.

The solubility of materials depends on temperature. In
the majority of cases, the solubility increases with
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Jennifer Moffitt Schall and Allan S. Myerson

Example 1.1 Conversion of Concentration Units

Given: 1 molar solution of NaCl at 25°C
Density of solution = 1.042 g/cm?
Molecular weight (MW) NaCl = 58.44 g/mol

Solution:
| molar — 1 mol NaCl Tliter  58.44gNaCl 1cm?
liter of solution 1000cm®  molNaCl  1.042 g
_0.056 g NaCl
~ g solution
= 0.056 wt fraction NaCl = 5.6 wt% NaCl
0.056 gNaCl 0.056 g NaCl

g solution ~ 0.944 g water + 0.056 g NaCl
= 0.059g NaCl/g water

: . 0.056 g NaCl
0.056 wt fraction NaCl = 0.944 g water + 0.056 g NaCl

0.056 g NaCl
58.44 g/mol NaCl
0.056 g NaCl 0.944 g water

58.44g/mol NaCl = 18g/mol water
= 0.018 mol fraction NaCl

3000
KNO

~ 2500} 3]

3 500

junt

a0 2000

(e

S

=

5 1500

=1

]

S 1000} 1

g CuS0,

g

2 s00f NaCl

© /

0 1 1 1
0 20 40 60 80 100 120

Temperature (°C)

Figure 1.1 Solubility of KNOs, CuSO,, and NaCl in aqueous solution
Source: Data from Mullen 1972.

increasing temperature, although the rate of the increase
varies widely from compound to compound. The solubili-
ties of several inorganics as a function of temperature are
shown in Figure 1.1. Sodium chloride is seen to have a
relatively weak temperature dependence, with the solubility
changing from 35.7 to 39.8 g/100 g water over a 100°C
range. Potassium nitrate, by contrast, changes from 13.4
to 247 g/100 g water over the same temperature range. This
kind of information is very important in crystallization
processes because it will determine the amount of cooling
required to yield a given amount of product and whether
cooling will provide a reasonable product yield.

Table 1.2 Solubilities of Inorganics at 20°C

Compound Chemical Solubility
formula (g anhydrous/
100 g H,0)
Calcium chloride CaCl, 74.5
Calcium iodide Caly 204
Calcium nitrate Ca(NOs), 129
Calcium hydroxide Ca(OH), 0.17
Calcium sulfate CaS0O,4 0.20
Ammonium sulfate (NH,)>SO4 754
Copper sulfate CuSO, 20.7
Lithium sulfate Li,SO, 34
Magnesium sulfate MgSO, 355
Silver sulfate Ag,SO, 0.7

Source: Based on data from Mullen 1972 and Myerson et al. 1990.

1.720

1719

1.718

1717

Concentration (g/1000 g H,0)

1.716 - - - -
0 20 40 60 80 100
Temperature (°C)

Figure 1.2 Solubility of calcium hydroxide in agueous solution
Source: Data from Myerson et al. 1990.

In sparingly soluble materials, solubility can also decrease
with increasing temperature. A good example of this is the
calcium hydroxide-water system shown in Figure 1.2.

The solubility of a compound in a particular solvent is part
of the system phase behavior and can be described graphically
by a phase diagram. In phase diagrams of solid-liquid equili-
bria, the mass fraction of the solid is usually plotted versus
temperature. An example is Figure 1.3, which shows the phase
diagram for the magnesium sulfate-water system. This system
demonstrates another common property of inorganic solids,
the formation of hydrates. A hydrate is a solid formed on
crystallization from water that contains water molecules as
part of its crystal structure. The chemical formula of a hydrate
indicates the number of moles of water present per mole of the
solute species by listing a stoichiometric number and water
after the dot in the chemical formula. Many compounds that
form hydrates form several hydrates with varying amounts of
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Figure 1.3 Phase diagram for MgSO4H,0

Source: Reprinted with permission of the publisher from R. M. Felder and R. W. Rousseau (1986), Elementary Principles of Chemical Processes, 2nd ed., p. 259. Copyright ©

1986, John Wiley & Sons, Inc.

water. From the phase diagram (Figure 1.3) we can see that
MgSO, forms four stable hydrates ranging from 12 mol of
water/mol MgSO, to 1 mol of water/mol of MgSO,. As is
usual with hydrates, as the temperature rises, the number of
moles of water in the stable hydrate declines, and at some
temperature, the anhydrous material is the stable form.

The phase diagram contains much useful information.
Referring to Figure 1.3, the line abcdef is the solubility or
saturation line that defines a saturated solution at a given
temperature. Line ab is the solubility line for the solvent
(water) because when a solution in this region is cooled, ice
crystallizes out and is in equilibrium with the solution. Point
b marks what is known as the eutectic composition. If the
solution is cooled at this composition (0.165 wt fraction
MgSO,), both ice and MgSO, will separate as solids. The
rest of the curve from b to f represents the solubility of
MgSO, as a function of temperature. If we were to start with
a solution at 100°F and 27.5 wt% MgSO, (point A in Figure

1.3) and cool that solution, the solution would be saturated at
the point where a vertical line from A crosses the saturation
curve, which is at 80°F. If the solution were cooled to 60°F as
shown at point D, the solution will have separated at equili-
brium into solid MgSO,-7H,O and a saturated solution of the
composition corresponding to point C.

The phase diagram also illustrates a general practice con-
cerning hydrate solubility. The solubilities of compounds that
form hydrates are usually given in terms of the anhydrous
species. This saves much confusion when multiple stable
hydrates can exist but requires that care be taken when per-
forming mass balances or preparing solutions. Example 1.2
illustrates these types of calculations.

Phase diagrams can be significantly more complex than
the example presented in Figure 1.3 and may involve addi-
tional stable phases and/or species. A number of references
discuss these issues in detail (Gordon 1968; Rosenberger
1981).
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Example 1.2 Calculations Involving Hydrates

Given solid MgSO,-H,0, prepare a saturated solution of MgSO,
at 100°F.

(a) Looking at the phase diagram (Figure 1.3), the solubility of
MgSOy, at 100°F is 0.31 wt. fraction MgSQO, (anhydrous), and the
stable phase is MgSO,-7H,0. First, calculate the amount of
MgSOy, (anhydrous) necessary to make a saturated solution at
100°F.

weight MgSO,(g)
weight MgSO, (g) + weightH,0 (g)

Using a basis:

0.31 = Xf =

For 1000 g H,0, the weight of MgSOy, (g) needed to make a

saturated solution is 449 g MgSQ, (anhydrous).

(b) Because the stable form of the MgSO, available is

MgSQO,4:7H,0, to do this, we need to know the molecular

masses of MgSQO,, H,O, and MgSO,-7H,0. These are

120.37 g/gmol and 246.48 g/gmol, respectively.
wtof MgSO, inthe hydrate ~ 120.37

= = 0.488
wt of MgSO, - 7H,0 246.48

XMgso, =

wtof HyOin the hydrate  126.11

= =0.512
wt of MgSO, - 7H,0  246.48

XH,0 =

1.3.2 Sparingly Soluble Species: Dilute Solutions

As we saw in Section 1.3.1, the solubility of materials varies
according to their chemical composition and with temperature.
Solubility is also affected by the presence of additional species in
the solution, by the pH, and by the use of different solvents (or
solvent mixtures). When discussing inorganic species, the sol-
vent is usually water, whereas with organics, the solvent can be
water or a number of organic solvents or solvent mixtures.

If we start with a sparingly soluble inorganic species such as
silver chloride and add silver chloride to water in excess of the
saturation concentration, we will eventually have equilibrium
between solid AgCl and the saturated solution. The AgCl is,
like most of the common inorganics, an electrolyte and dis-
sociates into its ionic constituents in solution. The dissociation
reaction can be written as

AgCl(s) > Ag™ + Cl™ (1.1)

The equilibrium constant for this reaction can be written as

Apstacl
K=" "

(12)

AagCl

where a denotes the activities of the species. If the solid AgCl is
in its stable crystal form and at atmospheric pressure, it is at a
standard state and will have an activity of 1. The equation can
then be written as

(13)

Ky = apgracr = (yAg' mAg+)(Vcr mcr-)

Mass balances:

Total weight = wt H,O + wt of MgSO, in the hydrate
0.31(total weight)= wt of MgSO, in the hydrate
0.69(total weight)= wt of H,O in the hydrate + wt of H,O solvent

First, we will examine the total mass balance. Because we are using a
basis of 1000 g of H,0, and the weight of MgSQO, in the hydrate is
equal to the weight of MgSO, (anhydrous) calculated in (a), the total
weight of our system is 1449 g.

By substituting the mole fraction expressions into the species
material balances, we can solve for the amount of MgSO,-7H,0
needed to make a saturated solution at 100°F.

0.31(1449 g)= 0.488(wt of MgSO, - 7H,0)
wt of MgSO, - 7H,0g = 9209

0.69 (1449 g) = wtH,O solvent 4 0.512 (wt of MgSO,, - 7H,0)
0.69 (1449 g) = wtH,O solvent 4 0.512 (920 g)
wt H,O solvent = 529 g

Therefore, to make a saturated solution of MgSOy, at 100°F starting
with MgSO,7H,0, we need to add 920 g of the hydrate to 529 g of
H,0.

where y is the activity coefficient of the species and m represents
the concentration in solution of the ions in molal units. For
sparingly soluble species such as AgCl, the activity coefficient
can be assumed to be unity (using the asymmetric convention
for activity coefficients), so that Equation (1.3) reduces to

(1.4)

This equation represents the solubility product of silver
chloride. Solubility products are generally used to describe
the solubility and equilibria of sparingly soluble salts in aqu-
eous solutions. Solubility products of a number of substances
are given in Table 1.3. It is important to remember that use of
solubility product relations based on concentrations assumes
that the solution is saturated, in equilibrium, and ideal (the
activity coefficient is equal to 1). It is therefore an approxima-
tion, except with very dilute solutions of one solute.

Equation (1.4) can be used for electrolytes in which there is a
1:1 molar ratio of the anion and cation. For an electrolyte that
consists of univalent and bivalent ions, such as silver sulfate,
which dissociates into 2 mol of silver ions for each mole of
sulfate ions, the solubility product equation would be written as

(1.5)

In the dissociation equation, the concentration of the ions of
each species is raised to the power of the species’ stoichiometric
number.

The solubility product principle enables simple calculations
to be made of the effect of other species on the solubility of a
given substance and may be used to determine the species that

Ky = (mag-)(mar)

Ksp = (mAg’ )2 (mSOi’ )


https://doi.org/10.1017/9781139026949.001
https://www.cambridge.org/core
https://www.cambridge.org/core/terms

Solutions and Solution Properties

Table 1.3 Solubility Products

Substance Solubility Product at 25°C
Aluminum hydroxide 370x 107"
Barium carbonate 258 x 1077
Barium chromate 117 x1071°
Barium fluoride 184% 1077
Barium iodate monohydrate 167 %1077
Barium sulfate 1.08x107'°
Calcium carbonate (calcite) 336x 1077
Calcium fluoride 345x 107"
Calcium iodate hexahydrate 710x 1077
Calcium oxalate monohydrate 232x107°
Calcium sulfate 493 %107
Cupric iodate monohydrate 6.94 x 1078
Cupric oxalate 443 x10°'°
Cuprous bromide 6.27 x107°
Cuprous chloride 172 %1077
Cuprous iodide 127 x 1072
Ferric hydroxide 279 %107
Ferrous hydroxide 487 x 107"
Lead carbonate 740 x 107"
Lead sulfate 253 %1078
Lithium carbonate 815x 107"
Magnesium carbonate 682 x 10°°
Magnesium fluoride 516x 107"
Magnesium hydroxide 561 %1072
Magnesium oxalate 483x10°°
dehydrate

Manganese carbonate 224 % 107"
Silver bromate 538 107
Silver iodide 852x 107"
Zinc hydroxide 300x 107"

Source: Data from Weast 1975.

will precipitate in an electrolyte mixture. One simple result of
applying the solubility product principle is the common ion
effect. This is the effect caused by the addition of an ionic species
that has an ion in common with the species of interest. Because
the solubility of a species is given by the product of the concen-
tration of its ions, when the concentration of one type of ion
increases, the concentration of the other must decline, or the
overall concentration of that compound must decline. We can
illustrate this simply by using our previous example of silver

chloride. The solubility product of silver chloride at 25°C is 1.56
x 107, This means that at saturation we can dissolve 1.25 x
10~ mol of AgCl/1000 g of water. If, however, we were to start
with a solution that has a concentration of 1 x 10~> molal NaCl
(hence 1 x 10~ molal CI"), the solubility product equation
would be written in the form

Ky = (myg)(mar) = (Xag+) (xcr- + 1 x 107%) (1.6)
Ky =x"+10"x (1.7)

where x is the amount of AgCl that can dissolve in the solution.
Solving Equation (1.7) results in x = 0.725 x 10~ molal. The
common ion effect has worked to decrease the solubility of the
compound of interest. It is important to remember that this is
true only for very dilute solutions. In more concentrated solu-
tions, the activity coefficients are not unity, and more complex
electrical effects and complexation may occur. This is dis-
cussed in detail in Section 1.3.3.

Another use of solubility products is the determination, in a
mixture of slightly soluble materials, as to what material is
likely to precipitate. This is done by looking at all the ion
concentrations and calculating their products in all possible
combinations. These are then compared with the solubility
products that must already be known. This is useful in situa-
tions where scale formation is of interest or in determining the
behavior of slightly soluble mixtures.

1.3.3 Concentrated Solutions

Unfortunately, like all easy-to-use principles, the solubility pro-
duct principle is not generally applicable. At higher concentra-
tions, electrical interactions, complex formation, and solution
nonideality make the prediction of the effect of ionic species on
the solubility of other ionic species much more complicated.

In Section 1.3.2 we used the solubility product principle to
calculate the effect of a common ion on the solubility of a spar-
ingly soluble species. The common ion effect, however, is com-
pletely dominated by a more powerful effect when a large
concentration of another electrolyte is present. In fact, the solu-
bility of sparingly soluble materials increases with increasing ion
concentration in solution. This is called the salt effect and is
illustrated in Figures 1.4 through 1.6, where we see the increase
in solubility of AgCl as a function of increasing concentrations of
added electrolytes. We see this effect in both added salts with a
common jon and without. This effect can also be induced by
changing the pH of the solution because this changes the ion
content of the solution.

The solubility of many inorganics in aqueous solution is
available in the book by Linke and Seidell (1965). This reference
also contains the solubilities of electrolytes in the presence of
other species. For example, Figure 1.7 shows the solubility of
NaCl as a function of NaOH concentration. As a general rule,
the solubility of most inorganics in water is available as a func-
tion of temperature. What is more difficult to find is the effect of
other species on the solubility. If several other species are pre-
sent, the data will usually not be available. Given this situation,
there are two alternatives. The first is to measure the solubility at
the conditions and composition of interest. Experimental
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Figure 1.4 Solubility of AgCl in agueous CaSOy, solution at 25°C
Source: Data from Linke and Seidell 1965.
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Figure 1.6 Solubility of AgCl in aqueous CaCl, solution
Source: Data from Linke and Seidell 1965.

methods for solubility measurement will be discussed in Section
1.4.6. The second alternative is to calculate the solubility. This is
a viable alternative when thermodynamic data are available for
the pure components (in solution) making up the multicompo-
nent mixture. An excellent reference for calculation techniques
in this area is the Handbook of Aqueous Electrolyte
Thermodynamics by Zemaitis et al. (1986). A simplified descrip-
tion of calculation techniques is presented later in Section 1.3.3.

Solution Thermodynamics. As we have seen previously, for a
solution to be saturated, it must be at equilibrium with the
solid solute. Thermodynamically, this means that the chemical
potential of the solute in the solution is the same as the
chemical potential of the species in the solid phase.

(1.8)

If the solute is an electrolyte that completely dissociates in
solution (strong electrolyte), Equation (1.8) can be rewritten
as

Higia = Migiution

“isolid = vCl""c + Val"l'u (19)

where v and v, are the stoichiometric numbers, and 1. and p,
are the chemical potentials of the cation and anion,

0.016
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Figure 1.5 Solubility of AgCl in aqueous NaNOj3 solution at 30°C
Source: Data from Linke and Seidell 1965.
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Figure 1.7 Solubility of NaCl in aqueous NaOH solution
Source: Data from Linke and Seidell 1965.

respectively. The chemical potential of a species is related to
the species activity by

w(T) = WS, (T) + RTIn(a;) (1.10)

where g; is the activity of species 7, u((’ 4q) 1520 arbitrary reference

state chemical potential, R is the gas constant, and T is tem-
perature. The activity coefficient is defined as
di

Yi=—
mi

(1.11)

where m; is the concentration in molal units. In electrolyte
solutions, because of the condition of electroneutrality, the
charges of the anion and cation will always balance. When a
salt dissolves, it will dissociate into its component ions. This
has led to the definition of a mean ionic activity coefficient and
mean ionic molality defined as

ye = Gy (1.12)
my = (mlem’)"” (1.13)

where v, and v, are the stoichiometric number of ions of each
type present in a given salt. The chemical potential for a salt
can be written as
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usalt(uq) = “(()aq) + VRTln(yi mi)v (1 14)
where p?a is the sum of the two ionic standard-state chemical
potentials, and v is the stoichiometric number of moles of ions in 1
mole of solid. In practice, experimental data are usually reported
in terms of mean ionic activity coefficients. As we discussed ear-
lier, various concentration units can be used. We have defined the
activity coefficient on a molal scale. On a molar scale, it is

a;(c)

Ci

where y; is the molar activity coefficient, and ¢; is the molar
concentration. We can also define the activity coefficient on a
mole fraction scale as

a;(x)

fi= (1.16)
where f; is the activity coefficient, and x; the mole fraction.
Converting activity coefficients from one type of unit to
another is neither simple nor obvious. Equations that can be

used for this conversion have been developed and include
(Zemaitis et al. 1986)

fr = (1.0 + 0.01M;vm)y,. (1.17)
+0.001c(vM; — M
fo=> (vM, )yi (1.18)
Po
p —0.001cM ( c )

po=r— 0y = (— 1.19
4 e 7= \mp (1.19)
1 = (1+0.001mM) (pﬁ) yy = (%>yi (1.20)

0 Cc

where v = stoichiometric number = v, + v_
p = solution density
po = solvent density
M = molecular weight of the solute
M, = molecular weight of the solvent

Solubility of a Pure-Component Strong Electrolyte.
Calculation of the solubility of a pure-component solid in
solution requires that the mean ionic activity coefficient be
known along with a thermodynamic solubility product (a
solubility product based on activity). Thermodynamic solubi-
lity products can be calculated from standard-state Gibbs free
energy of formation data. If, for example, we wish to calculate
the solubility of KCl in water at 25°C,

KCl K" + Cl~ (1.21)
the equilibrium constant is given by
ag+acl
Ky === (yeemic ) mer) = viml (1.22)
axcl

The equilibrium constant is related to the Gibbs free energy of
formation by the relation

—AGs
Ky = exp( RTf ) (1.23)
The free energy of formation of KCI can be written as
AGfﬂ = AGf"K* + AGf”Cl’ — AGf“KCl (124)

Using data from the literature, one finds (Zemaitis et al. 1986)

AGp = —1282 cal/gmol (1.25)

so that

K, = 8.704 (1.26)

Employing this equilibrium constant and assuming an
activity coefficient of 1 yields a solubility concentration of
2.95 molal. This compares with an experimental value of
4.803 molal (Linke and Seidell 1965). Obviously, assuming an
activity coefficient of unity is a very poor approximation in this
case and results in a large error.

The calculation of mean ionic activity coefficients can be
complex, and a number of methods are available. Several
references describe these various methods (Robinson and
Stokes 1970; Guggenheim 1986; Zemaitis et al. 1986). The
method of Bromley (1972, 1973, 1974) can be used up to a
concentration of 6 molal and can be written as

Alztz |V
1+I

0.06 + 0.6B)[z"z|I
(

1.5 2
(1+51)

+BI  (1.27)

logy, =

where y, = activity coefficient
A = Debye-Hiickel constant
z = number of charges on the cation or anion
I = ionic strength, which is 1/2 Zimiziz
B = constant for ion interaction

Values for the constant B are tabulated for a number of
systems (Zemaitis et al. 1986). For KCI, B = 0.0240.
Employing Equation (1.27), y,. can be calculated as a function
of m. This must be done until the product y3 m* = K,,. For the
KCl-water system at 25°C, y,_ is given as a function of concen-
tration in Table 1.4 along with y2m?* You can see that the
resulting calculated solubility is approximately 5 molal, which
compares reasonably well with the experimental value of 4.8
molal.

Electrolyte Mixtures. Calculation of the solubility of mixtures
of strong electrolytes requires knowledge of the thermody-
namic solubility product for all species that can precipitate
and requires using an activity coefficient calculation method
that takes into account ionic interactions. These techniques are
well described by Zemaitis et al. (1986), but we will discuss a
simple case in this section.

The simplest case would be a calculation involving a single
possible precipitating species. A good example is the effect of
HCI on the solubility of KCI. The thermodynamic solubility
product K, for KCl is defined as

Ky = (ygrmg+) (yg-mar-) = sz:mz (1.28)
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Table 1.4 Calculated Activity Coefficients for KCI in Water at 25°C

m (molality) y+ ytm

001 0.901 8.11x107°
0.1 0.768 58%10°
10 0.603 0.364

1.5 0.582 0.762

20 0573 131

25 0.569 2.02

30 0.569 291

35 0.572 407

40 0577 532

45 0.584 6.91

50 0.592 8.76

Note: K, = 8.704 from Gibbs free energy of formation.
Source: Data from Zemaitis et al. 1986.

In the preceding example, we obtained K, from the Gibbs
free energy data and used this to calculate the solubility of KCI.
Normally for a common salt, solubility data are available. Ky, is
therefore obtained from the experimental solubility data and
activity coefficients. Using the experimental KCI solubility at
25°C (4.8 molal) and the Bromley activity coefficients yields
Ky, = 8.01. If we wish to calculate the KCI solubility in a 1
molal HCI solution, we can write the following equations:

(yx+mg+) (Yo mar-)
Ky

=1 (1.29)

Zg+ Mg+ + Z+ M+ = Zor M + Za- Mar-

(from KCl) (from HCI) (from KCl) (from HCI) (1.30)

Equations (1.29) and (1.30) must be satisfied simultaneously
for a fixed value of 1 molal HCI.
Using Bromley’s method for multicomponent electrolytes,

1 —AZ2/1
ogy, — —L
. I+ \/j

where A = Hiickel constant
I = ionic strength
i = any ion present

+F; (1.31)

z; = number of charges on ion i
F; = an interaction parameter term

where j indicates all ions of opposite charge to i
Zi+z
zi; = T] (1.33)

where m; = molality of ion j

5.00
4.00 p
2
=3.00¢r
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>
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(=) (o} <t O [~] 9
HCI Molality

Figure 1.8 Calculated versus experimental KCl solubility in aqueous HCl
solution at 25°C

Source: Reproduced from J. F. Zemaitis, Jr,, D. M. Clark, M. Rafal, and N. C. Scrivner
(1986), Handbook of Aqueous Electrolyte Thermodynamics, p. 284. Used by
permission of the American Institute of Chemical Engineers © 1986 AIChE.

0.06 + 0.6B)|ziz;
B = ( )|Z’Z’2| +B (1.34)

Employing these equations, the activity coefficient for K* and
CI” are calculated as a function of KCl concentration at a fixed
HCI concentration of 1 molar. These values, along with the
molalities of the ions, are then substituted into Equation (1.29)
until it is an equality (within a desired error). The solubility of
KClin a 1 molal solution of HCl is found to be 3.73 molal, which
compares with an experimental value of 3.92 molal. This calcula-
tion can then be repeated for other fixed HCI concentrations.
Figure 1.8 compares the calculated and experimental values of
KCl solubility over a range of HCI concentrations.
Unfortunately, many systems of interest include species that
form complexes, intermediates, and undissociated aqueous spe-
cies. This greatly increases the complexity of solubility calcula-
tions because of the large number of possible species. In addition,
mixtures with many species often include a number of species
that may precipitate. These calculations are extremely tedious
and time consuming to do by hand or to write a specific com-
puter program for each application. Commercial software is
available for calculations in complex electrolyte mixtures.
ProChem, part of the OLI Toolkit developed by OLI Systems,
Inc. (Cedar Knolls, NJ), is an excellent example. The purpose of
the package is to simultaneously consider the effects of the
detailed reactions as well as the underlying species interactions
that determine the actual activity coefficient values. Only by such
a calculation can the solubility be determined.

A good example of the complexity of these calculations can be
seen when looking at the solubility of Cr(OH),. Simply assuming

the dissociation reaction
Cr(OH), <> Cr’* + 30H" (1.35)

and calculating a solubility using the K, obtained from Gibbs
free energy of formation lead to serious error. This is because a
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Table 1.5 Calculated Results for Cr(OH)z Solubility at 25°C

Equilibrium constant K (mol/kg)
H,O 994 % 107"°
CroH"? 130x 107"
Cr(OH),* 272%107°
Cr(OH)s(aq) 203x10°°
Cr(OH)s(crystal) 644 x 107"
Cr(OH),~ 167 X107
Cry(OH),** 235% 107
Cr3(OH),™ 252 %1077

Liquid-phase pH = 10 lonic strength = 1.01 x 1072

Species Moles Activity coefficient
H,0 555 1.0

H* 122x107'° 0.904
OH™ 1.00x 107% 0.902
crt 221 %1078 0397
CrOH*? 932x 107" 0.655
Cr(OH)," 165 % 1078 0.899
Cr(OH)*(ag) 6.56 X 107 10
Cr(OH),~ 395x 10°° 0.899
Cry(OH),™ 298 x 10721 0.185
Crs(OH),™ 448 x 10722 0.0725
cr 1.00 X 1072 0.898
Na~ 1.01 x 1072 0.898

Source: Data from Zemaitis et al. 1986.

number of other dissociation reactions and species are possi-
ble. These include Cr(OH), (undissociated molecule in solu-
tion), Cr(OH);, Cr(OH);, Cr(OH)**, Cry(OH);", and
Cr;(OH); .

Calculation of the solubility of Cr(OH), as a function of pH
using HCI and NaOH to adjust the pH requires taking into
account all species, equilibrium relationships, mass balances,
and electroneutrality, as well as calculation of the ionic activity
coefficients. The results of such a calculation (employing
Prochem) is shown in Table 1.5 and Figures 1.9 and 1.10.
Table 1.5 shows the results obtained at a pH of 10. Figure 1.9
gives the solubility results obtained from a series of calcula-
tions and also shows the concentration of the various species,
whereas Figure 1.10 compares the solubility obtained with that
calculated from a solubility product. The solubility results
obtained by the simple solubility product calculation are
orders of magnitude less than those obtained by the complex
calculation, demonstrating the importance of considering all
possible species in the calculation.

l()‘4 T T T T T T T T

\\ Total chrome

CrOH), )

10°°F

10—8 L Cr(OH);

S5+
Cr,(OH);

H

<
E
T

CroH>*

Molality
=)

Cr2(01-1)§+

10—16,

10—[8,

10—20 I I I
65 70 75 80 85 90 95 100 105 11.0
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Figure 1.9 Chrome hydroxide solubility and speciation versus pH at 25°C
Source: Reproduced from J. F. Zemiaitis, Jr., D. M. Clark, M. Rafal, and N. C. Scrivner
(1986), Handbook of Aqueous Electrolyte Thermodynamics, p. 284. Used by
permission of the American Institute of Chemical Engineers © 1986 AIChE.
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Figure 1.10 Chrome solubility versus pH
Source: Reproduced with permission of OLI Systems, Inc.

1.4 Solubility of Organics

In crystallization operations involving inorganic materials, we
virtually always employ water as the solvent, thus requiring
solubility data on inorganic water systems. Because most inor-
ganic materials are jonic, this means that dissociation reactions,
ionic interactions, and pH play a major role in determining the
solubility of a particular inorganic species in aqueous solution.
When dealing with organic species (or inorganics in nonaqu-
eous solvents), a wide variety of solvents and solvent mixtures
usually can be employed. The interaction between the solute and
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Figure 1.11 Solubility of hexamethylenetetramine in different solvents
Source: Reprinted with permission from S. Decker, W. P. Fan, and A. S. Myerson,
Solvent selection and batch crystallization, Ind. Eng. Chem. Fund. 1986; 25:925.
Copyright © 1986, American Chemical Society.
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Figure 1.12 Solubility of adipic acid in different solvents

Source: Reprinted with permission from S. Decker, W. P. Fan, and A. S. Myerson,
Solvent selection and batch crystallization, Ind. Eng. Chem. Fund. 1986; 25:925.
Copyright © 1986, American Chemical Society.

the solvent determines the differences in solubility commonly
observed for a given organic species in a number of different
solvents. This is illustrated in Figures 1.11 and 1.12 for hexam-
ethylene tetramine and adipic acid in several different solvents.
In the development of crystallization processes, this can be a
powerful tool. In many cases the solvent chosen for a particular
process is an arbitrary choice made in the laboratory with no
thought of the downstream processing consequences.
Frequently, from a chemical synthesis or reaction point of
view, a number of different solvents could be used with no
significant change in product yield or quality. This means
that the solubility and physical properties of the solvent
(solubility as a function of temperature, absolute solubility,
and vapor pressure) should be evaluated so that the solvent
that provides the best characteristics for the crystallization
step is chosen. This requires that the process-development
engineers be in contact with the synthetic organic chemists
early in process development. In this section we will
describe the basic principles required to estimate and

calculate the solubility of an organic solute in different
solvents and explain how to assess mixed solvents.

1.4.1 Thermodynamic Concepts and Ideal
Solubility

As we have shown previously, the condition for equilibrium
between a solid solute and a solvent is given by the relation

(1.36)

Higia = Migrution

A thermodynamic function known as the fugacity can be

defined as
W, —p) =RT ln<%>

Comparing Equation (1.10) with Equation (1.37) shows us that
the activity a; = f;/f°. Through a series of manipulations, it can
be shown that for phases in equilibrium (Prausnitz et al. 1986),

fisond - fisalunon

Equation (1.38) will be more convenient for us to use in
describing the solubility of organic solids in various solvents.
The fugacity is often thought of as a “corrected pressure” and
reduces to pressure when the solution is ideal. Equation (1.38)
can be rewritten as

(1.37)

(1.38)

Froa = yzfozo (1.39)
where f, = fugacity of the solid
x, = mole fraction of the solute in the solution
f? = standard state fugacity
y, = activity coefficient of the solute
or
Xy = fzsolid (1 .40)

afy

Equation (1.40) is a general equation for the solubility of any
solute in any solvent. We can see from this equation that the
solubility depends on the activity coefficient and on the fuga-
city ratio f,/f.. The standard state fugacity normally used for
solid-liquid equilibrium is the fugacity of the pure solute in a
subcooled liquid state below its melting point. We can simplify
Equation (1.40) further by assuming that our solid and subcooled
liquid have small vapor pressures. We can then substitute vapor
pressure for fugacity. If we further assume that the solute and
solvent are chemically similar so that y, = 1, then we can write

250lid solute
S
2gubcooled liquid solute

X = (1.41)

Equation (1.41) gives the ideal solubility. Figure 1.13, an exam-
ple phase diagram for a pure component, illustrates several
points. First, we are interested in temperatures below the triple
point because we are interested in conditions where the solute
is a solid. Second, the subcooled liquid pressure is obtained by
extrapolating the liquid-vapor line to the correct temperature.
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Figure 1.13 Schematic of a pure-component phase diagram

Source: Reprinted by permission of Prentice-Hall from J. M. Prausnitz, R. N.
Lichenthaler, and E. Gomes de Azvedo (1986), Molecular Thermodynamics of
Fluid-Phase Equilibria, 2nd ed. Copyright © 1986, Prentice-Hall Publishers.

Equation (1.41) gives us two important pieces of informa-
tion. The first is that the ideal solubility of the solute does not
depend on the solvent chosen; the ideal solubility depends only
on the solute properties. Second, it shows that differences in
the pure-component phase diagrams that result from struc-
tural differences in materials will alter the triple point and
hence the ideal solubility.

A general equation for the fugacity ratio is

e B C A BT (R
fzsubcooled liquid solute R Ttp T R T T

(1.42)

where AHy, = enthalpy change for the liquid solute transfor-
mation at the triple point
Ty, = triple point temperature
AC, = difference between the C, of the liquid and the solid
AV = volume change for liquid-solid transformation
R = universal gas constant

If substituted into Equation (1.40), this yields the solubility
equation

1 [AH, (1 1\ AG, [ T, Ty
_— e L L
© yzeXp[ R (Ttp T> R\t

AV

_E(P_Ptp)}

(1.43)

Equation (1.43) is the most general form of the solubility
equation. In most situations (though not all), the effect of
pressure on solubility is negligible, so the last term on the
right-hand side of the equation can be dropped. In addition,
the heat-capacity term also usually can be dropped from the
equation. This yields

1 AH, 1 1
X —exp{ tp <——)] (1.44)
V2 R T[p T
or because
1 AS T,
x :Eexp[ R“’ (1 —%ﬂ (1.46)

In many instances, the triple-point temperature of a sub-
stance is not known. In those cases, the enthalpy of melting
(fusion) and the melting-point temperature are used because
they are usually close to the triple-point temperature:

1 [AH, (1 1
= —eX -
= P IR \T, T

For an ideal solution, when the activity coefficient equation
equals 1, this reduces to

AH,, (1 1
w5 (1)
Equation (1.48) allows the simple calculation of ideal solu-
bilities and can be used profitably to see the differences in
solubility of chemically similar species with different struc-
tures. This is illustrated in Table 1.6, where calculated ideal
solubilities are shown together with AH,, and T,,. Isomers of
the same species can have widely different ideal solubilities
based on changes in their physical properties, which relate
back to their chemical structures. Equation (1.48) also tells us
that for an ideal solution, solubility increases with increasing
temperature. The rate of increase is approximately propor-
tional to the magnitude of the heat of fusion (melting). For
materials with similar melting temperatures, the lower the heat
of fusion, the higher is the solubility. For materials with similar
heats of fusion, the material with the lower melting tempera-
ture has the higher solubility. A good example of this is shown
in Table 1.6 when looking at ortho-, meta-, and para-chloroni-
trobenzene. The lower-melting ortho has an ideal solubility of
79 mol% compared with 25 mol% for the higher-melting para.
While Equation (1.48) is useful for comparing relative solubi-
lities of various solutes, it takes no account of the solvent used
or solute-solvent interactions. To account for the role of the
solvent, activity coefficients must be calculated.

(1.47)

(1.48)

1.4.2 Regular Solution Theory

In electrolytic solutions, we were concerned with electrostatic
interactions between ions in the solution and with the solvent
(water). In solutions of nonelectrolytes, we will be concerned
with molecule-solvent interactions due to electrostatic forces,
dispersion forces, and chemical forces. Even though a solution
contains no ions, electrostatic interactions can still be signifi-
cant. This is because of a property called polarity. An electri-
cally neutral molecule can have a dipole moment that is due to
an asymmetric distribution of its electrical charge. This means
that one end of the molecule is positive and the other end is
negative. The dipole moment is defined by

11
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Table 1.6 Melting Temperature, Enthalpy of Melting, and Ideal Solubility of
Organic Solutes at 25°C

Substance I (K) AH,, Ideal
(cal/mol) solubility
(mol%)
ortho- 307.5 4546 79
Chloronitrobenzene
meta- 3175 4629 62
Chloronitrobenzene
para- 356.7 4965 25
Chloronitrobenzene
Naphthalene 3534 4494 3]
Urea 406.0 3472 21
Phenol 314.1 2695 79
Anthracene 489.7 6898 1
Phenanthrene 369.5 4456 23
Biphenyl 3422 4235 39
Source: Based on data from Walas 1985.
p=cel (1.49)

where e is the magnitude of the electric charge and [ is the
distance between the two charges. The dipole moment is a
measure of how polar a molecule is. As the dipole moment
increases, the molecule is less symmetric in terms of its elec-
trical charge. A list of molecules and their dipole moments is
given in Table 1.7. As you can see from the table, water is quite
polar. There are also molecules with more complex charge
distributions called quadrupoles, which also display this asym-
metric charge behavior. This shows that even without ions,
electrostatic interactions between polar solvent molecules and
polar solute molecules will be of importance in activity coeffi-
cient calculations and will therefore affect the solubility.

Organic solutes and solvents are usually classified as polar or
nonpolar, although, of course, there is a range of polarity.
Nonpolar solutes and solvents also interact through forms of
attraction and repulsion known as dispersion forces. Dispersion
forces result from oscillations of electrons around the nucleus and
have a rather complex explanation; however, it is sufficient to say
that nonidealities can result from molecule-solvent interactions
that result in values of the activity coefficient not equal to 1. An
excellent reference in this area is the book by Prausnitz et al.
(1986).

Generally, the activity coefficients are less than 1 when polar
interactions are important, with a resulting increase in solubility
of compounds compared with the ideal solubility. The opposite is
often true in mixed polar-nonpolar systems, with the activity
coefficients being greater than 1. Nonpolar solutions typically
have activity coefficients around 1 because they do not tend to
exhibit the high degree of interactions that exist in polar and
hydrogen-bonding systems. A number of methods are used to
calculate activity coefficients of solid solutes in solution. A

Table 1.7 Permanent Dipole Moments

Molecule u (Debyes) Molecule u (Debyes)
Co 0.10 CH;l 1.64
CsHe 035 CH3COOCH; 1.67
CeHsCHs 037 C,HsOH 170
PHs 0.55 H,0 1.84
HBr 0.80 HF 1.91
CHCl5 1.05 CHs F 192
(C3Hs),0 1.18 (CH5),CO 2.87
NHs 147 CeHsCOCHs 3.00
CeHsNH, 148 C,HsNO, 370
CeHsCl 1.55 CH5CN 3.94
CoHsSH 1.56 CO(NH>), 4.60
SO, 1.61 KBr 9.07

Source: Data from Prausnitz et al. 1986.

frequently used method is that of Scatchard-Hildebrand, which
is also known as regular solution theory (Prausnitz et al. 1986):

_ V2L(61 - 52)2 % (1.50)

where V1= molar volume of the subcooled liquid solute
8,= solubility parameter of the subcooled liquid
8= solubility parameter of the solvent
¢,= volume fraction of the solvent, defined by

X1 VIL

= 1.51
0= T (151)

The solubility parameters are defined by the relations

81 _ <AM11/> 1/2 62 _ (AM%) 1/2
V1 V2
where Au is the enthalpy of vaporization and v is the molar
liquid volume. Solubility parameters for a number of solvents
and solutes are given in Table 1.8. This method works moder-
ately well at predicting solubilities in nonpolar materials.
Calculated solubility results employing this theory are shown
in Table 1.9 along with experimentally determined values.

It is apparent that in many cases this theory predicts
results very far from the experiment. Regular solution
theory has limitations in predicting activity coefficients
because it was developed to quantitatively describe solu-
tions with no excess entropy, no change in volume on
mixing, and a nonzero enthalpy of mixing. This theory
always predicts that all deviations from ideality will be
positive, with y > 1. Because strong polar-polar interactions
generally exhibit behavior with y < 1, regular solution theory
should not be used for polar systems without extreme caution.

(1.52)
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Table 1.8 Solubility Parameters at 25°C

Substance 8 (cal/cm?®)'’2
Anthracene 9.9
Naphthalene 9.38
Phenanthrene 10.52
Acetic acid 10.05
Acetone 9.51
Aniline 11.46
1-Butanol 11.44
Carbon disulfide 9.86
Carbon tetrachloride 9.34
Chloroform 9.24
Cyclohexane 8.19
Cyclohexanol 114
Diethyl ether 7.54
Ethanol 12.92
n-Hexane 7.27
Methanol 14.51
Phenol 12.11
1-Propanol 12.05
2-Propanoal 11.57
Perfluoro-n-heptane 6.0
Neopentane 6.2
[sopentane 6.8
n-Pentane 7.1
1-Hexene 7.3
n-Octane 7.5
n-Hexadecane 8.0
Ethyl benzene 8.8
Toluene 89
Benzene 9.2
Styrene 93
Tetrachloroethylene 93
Bromine 9.5

Sources: Based on data from Prausnitz et al.
1986 and Walas 1985.

Similarly, regular solution theory cannot generally describe
solutions with strong hydrogen bonding or acid-base interac-
tions. A number of modifications of the Scatchard-Hildebrand
theory as well as other methods are available for activity

coefficient calculations and are described in various other
texts (Walas 1985; Prausnitz et al. 1986; Reid et al. 1987).
Empirical methods have been developed to mitigate some
of the limitations of regular solution theory. For example,
Hansen solubility parameters (HSPs) account for hydrogen
bonding, dispersion, and polar bonding forces, expanding on
the Hildebrand solubility parameters, which divided interac-
tive forces into dispersive and polar interactions (Hansen
2007). Using HSPs, qualitative comparisons of solubility can
be made for compounds in various solvents using the relation

Ra = [4(Dsolvent - Dsolute)2 + (Psolvent - Psolute)2

+(Hsolvent - I—Isolute)z](l5 (153)

where R, is the distance between the solute and the solvent in
Hansen phase space, D is the dispersive solubility parameter, P is
the polar solubility parameter, and H is the solubility parameter
for hydrogen bonding. Tabulated HSPs may be found in Hansen
Solubility Parameters: A User’s Handbook (Hansen 2007). Solute-
solvent systems with smaller R, values tend to have higher solu-
bilities. Still, no theoretical method is accurate for activity coeffi-
cient calculation of solid solutes in liquids for all types of systems.

1.4.3 Group Contribution Methods

As we discussed in Section 1.3 for inorganic materials, industrial
crystallization rarely takes place in systems that contain only the
solute and solvent. In many situations, additional components
are present in the solution that affect the solubility of the species
of interest. With an organic solute, data for solubility in a parti-
cular solvent are often not available, whereas data for the effect of
other species on the solubility are virtually nonexistent. This
means that the only option available for determining solubility
in a complex mixture of solute, solvent, and other components
(impurities or by-products) is through calculation or experimen-
tal measurement. While experimental measurement is often
necessary, estimation through calculation can be worthwhile.

The main methods available for the calculation of activity
coefficients in multicomponent mixtures are called group con-
tribution methods. This is because they are based on the idea of
treating a molecule as a combination of functional groups and
summing the contribution of the groups. This allows the calcu-
lation of properties for a large number of components from a
limited number of groups. Unlike calculations completed using
regular solutions, activity coefficient predictions from group
contribution methods can predict both negative and positive
deviations from ideality.

Two similar methods are used for these types of calculations:
analytical solution of groups (ASOG) and universal quasi-chemi-
cal (UNIQUAC) functional group activity coefficient (UNIFAC).
In the ASOG method, activity coefficients are assumed to be
temperature-dependent functions of size, as estimated using the
Flory-Huggins equation, and interactions between structural
groups. Similarly, the UNIFAC method can be used to estimate
activity coefficients in nonelectrolyte mixtures by assuming that
activity coefficients are functions of molecular size and shape, as
well as intermolecular forces. While UNIFAC makes the limiting

13
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Table 1.9 Solubility of Naphthalene in Various Solvents by UNIFAC and Scatchard-Hildebrand Theory

Solvent Solubility (mol%)
Experimental UNIFAC

Methanol 44 4.8 0.64
Ethanol 7.3 54 49

1-Propanol 94 9.3 11.3
2-Propanol 7.6 9.3 16.3
1-Butanol 11.6 11.1 18.8
n-Hexane 222 259 11.5
Cyclohexanol 22.5 20.5 200
Acetic acid 11.7 12.5 40.1
Acetone 378 358 422
Chloroform 47.3 47.0 37.8

Ideal solubility = 4.1 mol%

Source: Data from Walas 1985.

Scatchard-Hildebrand

assumption that each functional group is independent of other
functional groups, it can still be used to predict eutectic composi-
tions and solubilities in binary and higher solvent mixtures with
reasonable accuracy in many cases. For very large or complex
molecules, though, UNIFAC parameters may not exist to
describe all functional groups. Modifications to the original
UNIFAC method include defining new functional groups and
expanding parameters to be temperature dependent. Further
explanations of these and other group contribution methods are
detailed in a number of references (Fredenslund et al. 1977;
Kojima and Tochigi 1979; Walas 1985; Reid et al. 1987), and a
survey of group contribution methods and advancements is
provided by Gmehling (2009) and Gmehling et al. (2015).

Both ASOG and UNIFAC rely on the use of experimental
activity coefficient data to obtain parameters that represent
interactions between pairs of structural groups. These para-
meters are then combined to predict activity coefficients for
complex species and mixtures of species made up from a
number of these functional groups. An example of this would
be calculation of the behavior of a ternary system by employing
data on the three possible binary pairs. Lists of parameters and
detailed explanations of these calculations can be found in the
references mentioned previously.

Group contribution methods can also be used to calculate
solubility in binary (solute-solvent) systems. A comparison of
solubilities calculated employing the UNIFAC method with
experimental values and values obtained from the Scatchard-
Hildebrand theory is given in Table 1.9.

1.4.4 Quantum Mechanical Predictions

In previous sections we discussed ways to estimate solubility using
empirical methods or methods that only work for certain classes of
molecules. Those methods have limitations and cannot predict

solubility for all classes of compounds. Quantum mechanics (QM)
and statistical thermodynamic calculations overcome some of
these barriers by enabling us to estimate molecular chemical
potentials without relying on a database of parametrized func-
tional group contributions. Instead, only universal parameters are
used in predictions. Calculated chemical potentials can then be
used to estimate thermodynamic equilibrium properties such as
solubility, activity coefficients, and partition coefficients.

To describe how QM and statistical thermodynamic cal-
culations are completed, we will focus on a commonly used
software package: COSMO-RS (Conductor-like Screening
Model for Real Solvents; Software for Chemistry &
Materials BV, Amsterdam, The Netherlands). First, the mole-
cular electronic structure is optimized using density func-
tional theory (DFT) calculations. Then the charge
distribution of the surface of the molecule is calculated
using QM, assuming a reference state where the molecule is
embedded in a perfect conductor. With this reference state
for each molecule of interest, COSMO-RS can use statistical
thermodynamics to analyze surface interactions between sol-
vent and solute molecules. From the surface interactions, a
charge-density profile can be constructed and used to esti-
mate chemical potential and, subsequently, solubility at infi-
nite dissolution. Calculations can be updated for various
temperatures of interest, allowing solubility curves to be
constructed. Using this general procedure, solubility can be
screened qualitatively in hundreds of solvents rapidly,
enabling selection of a solvent list for further experimental
evaluation.

When using COSMO-RS, it is important to be aware of three
major assumptions embedded in the software calculation blocks:

1. The liquid phase is incompressible.
2. The dielectric permittivity of the solvent is infinite.
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3. Only pairwise molecular interactions are allowed at the
molecular surface, but all parts of the molecular surfaces
can contact other molecular surfaces.

These assumptions allow chemical potentials to be calculated,
but they also expose some limitations of using COSMO-RS.
From assumption 1, we see that COSMO-RS cannot be used to
estimate pressure-dependent equilibrium properties, and
assumption 2 indicates that we are defining the solvent as a
conductor. From assumption 3, we see that COSMO-RS can-
not be used to calculate ternary and higher-order interactions.
This assumption can be expanded by using associated mole-
cules as the model molecular complex. For example, acetic acid
molecules may be modeled as dimers instead of monomers to
enable three-body interactions to be estimated and account for
internal hydrogen bonding between molecules.

Although COSMO-RS can be used to qualitatively compare
solubilities of compounds in various solvent systems, COSMO-
RS is limited in its ability to predict experimental data. For
example, bond lengths and angles, as well as intermolecular
interactions, may be different in bulk fluid than in the small
numbers of molecules that can be simulated in COSMO-RS.
Therefore, it is useful to use physical property data, such as
heat of fusion derived from differential scanning calorimetry
(DSC) experiments, to train COSMO-RS and improve the
program’s quantitative prediction capabilities.

Beyond polarizable continuum models (PCMs) like
COSMO-RS, explicit solvation models also may be used to
estimate solubility without the use of empirical equations or
experimental data. These methods include using Monte Carlo
(MC) and molecular dynamics (MD) simulations. Further
information on these and other methods is presented in the
review article by Skyner et al. (2015).

1.4.5 Solubility in Mixed Solvents

In looking for an appropriate solvent system for a particular
solute to allow for the development of a crystallization process,
often the desired properties cannot be obtained with the pure
solvents that can be used. For a number of economic, safety, or
product stability reasons, you may be forced to consider a small
group of solvents. The solute might not have the desired solubility
in any of these solvents, or if soluble, the solubility may not vary
with temperature sufficiently to allow cooling crystallization. In
these cases, a possible solution is to use a solvent mixture to
obtain the desired solution properties. The solubility of a species
in a solvent mixture can significantly exceed the solubility of that
species in either pure-component solvent. This is illustrated in
Figure 1.14 for the solute phenanthrene in the solvents cyclohex-
ane and methyl iodide. Instead of a linear relation between the
solvent composition and the solubility, the solubility has a max-
imum at a solvent composition of 38 mol% cyclohexane (solute-
free basis). The large change in solubility with solvent composi-
tion can be very useful in crystallization processes. It provides a
method other than temperature change to alter the solubility of
the system. The solubility can be easily altered up or down by
adding the appropriate solvent to the system. The method of
changing solvent composition to induce crystallization will be
discussed in more detail in Section 1.5.4.
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Figure 1.14 Solubility of phenanthrene in cyclohexane-methylene iodide
mixtures

Source: Reprinted with permission from L. J. Gordon and R. L. Scott, Enhanced
methylene iodide solubility in solvent mixtures: |. The system phenanthrene-
cyclohexane-methylene iodide,” J. Am. Chem. Soc. 1952; 74:4138. Copyright
© 1952, American Chemical Society.

Finding an appropriate mixed solvent system should not
be done on a strictly trial and error basis. It should be
examined systematically based on the binary solubility beha-
vior of the solute in solvents of interest. It is important to
remember that the mixed solvent system with the solute
present must be miscible at the conditions of interest.
Initial estimates may be completed without collecting experi-
mental solubility data. For systems that exhibit positive
deviations from ideality, are not highly polar, and are not
strongly hydrogen bonding, the observed maximum in the
solubility of solutes in mixtures can be predicted by
Scatchard-Hildebrand theory. Looking at Equation (1.50),
we see that when the solubility parameter of the solvent is the
same as that of the subcooled liquid solute, the activity
coefficient will be 1. This is the minimum value of the activity
coefficient possible employing this relation. When the activ-
ity coefficient is equal to 1, the solubility of the solute is at a
maximum. This then tells us that by picking two solvents
with solubility parameters that are greater than and less than
the solubility parameter of the solute, we can prepare a
solvent mixture in which the solubility will be a maximum.
For example, let us look at the solute anthracene. Its solubi-
lity parameter is 9.9 (cal/cm®)"/%. Looking at Table 1.8, which
lists solubility parameters for a number of common solvents,
we see that ethanol and toluene have solubility parameters
that bracket the value of anthracene. If we define a mean
solubility parameter by the relation

> xiVid;
0 ="2——
AL
we can then calculate the solvent composition that will have the

maximum solubility. This is a useful way to estimate the
optimal solvent composition prior to experimental

(1.54)
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