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Abstract

Predictive thermodynamic modeling tools play an important role in the design of pharmaceu-

tical processes by focusing experimental efforts on promising areas and ultimately enabling a

more efficient approach to drug product development and manufacturing. In this thesis, we

explore the applicability of the SAFT-γ Mie GC approach, a heteronuclear GC version of the

statistical associating fluid theory (SAFT) equation of state (EoS), for predicting the phase

behaviour and the pH-dependent solubility of pharmaceutical mixtures.

An area of particular interest to the industry is enhancing the solubility of ionisable active

pharmaceutical ingredients (APIs). Salt formation is commonly used for this purpose and

is monitored via a pH-solubility profile of the API and its salt. Due to the extremely low

solubilities of many APIs in water, experiments are difficult to perform, and reliable predictive

tools can be especially useful in this context. The SAFT-γ Mie GC EoS is used to predict

the phase diagrams and the pH-dependent solubility of two acidic monoprotic APIs: ibuprofen

and ketoprofen. We consider ibuprofen and ketoprofen in inorganic and organic basic and

acidic buffering agents. A new group, NH+
3 , is characterised for the case of amine buffers and

salts. Equilibrium constants for the dissociation of the APIs and the formation of salts (pKa

and Ksp values) are also incorporated in the model using experimental values from literature.

Predictions of the complete phase diagrams of the APIs in water are presented, including the

vapour–liquid, liquid–liquid (oiling out), and solid–liquid (solubility) equilibria. The SAFT-γ

Mie approach is shown to provide accurate predictions of the phase behaviour of the APIs, as

well as the pH-solubility profiles of the APIs at 298.15 K and 310.15 K for the range of buffers

and salts considered.

We extend the applicability of the SAFT-γ Mie GC approach by modeling the pH-solubility

profile of the weakly basic diprotic API procaine, in aqueous solutions buffered by NaOH and

HCl. Three new groups: aCNH2, aCCOO and aCNH+
3 , in addition to their unlike interactions

with other groups, are characterised to study the neutral and ionic forms of procaine within

the SAFT-γ Mie framework. The newly developed groups and group interactions are shown to

deliver accurate predictions of the intrinsic solubility and the pH-solubility profiles of the API;

demonstrating the transferability of the SAFT-γ Mie group interactions, as no data related to

procaine were used to obtain the group parameters.
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Subsequently, we demonstrate the relevance of the GC approach for the prediction of the

phase behaviour of more-complex pharmaceutical mixtures, by studying mixtures containing

formaldehyde, a common degradation agent produced by some pharmaceutical excipients dur-

ing the storage of drug products. Formaldehyde is usually processed in the form of aqueous

solutions, with methanol added for stability. In these solutions, formaldehyde reacts with the

solvents, to produce a variety of oligomers; and these chemical reactions have a significant influ-

ence on the fluid-phase equilibrium of formaldehyde mixtures. The SAFT-γ Mie GC approach

is used to obtain the phase behaviour of binary and ternary mixtures of formaldehyde with

water and methanol. The oligomerization reactions taking place in formaldehyde solutions are

modeled implicitly using a physical approach, which is possible within the SAFT-γ Mie frame-

work by adding association (reactive) sites to mediate the formation of the reaction products.

A new group, CH2O, characterising formaldehyde within the SAFT-γ Mie GC approach, is

developed. Experimental data for the vapour-liquid equilibria (VLE) in binary mixtures of

formaldehyde + water and formaldehyde + methanol are used to obtain the optimal unlike

interaction parameters between the corresponding SAFT-γ Mie groups. The newly developed

parameters are then used to predict the VLE of ternary formaldehyde + water + methanol

mixtures, providing an excellent agreement with experimental data. Additionally, the nature

of chemical speciation in formaldehyde + water, formaldehyde + methanol and formaldehyde

+ water + methanol mixtures is studied using this approach, obtaining accurate predictions of

the distribution of reaction products (oligomers) in the binary and ternary mixtures.

The findings in this thesis demonstrate the applicability of the SAFT-γ Mie GC approach

for thermodynamic property prediction of pharmaceutical mixtures. The SAFT-γ Mie EoS is

proven to be a powerful predictive tool that can contribute to increasing the efficiency and

lowering the cost of drug product development and manufacturing in the pharmaceutical in-

dustry.
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Chapter 1

Introduction

1.1 Motivation & objectives

Over the past two decades, the pharmaceutical industry has been facing unprecedented chal-

lenges in turning promising new molecular entities into affordable medicines, with a significant

decline in research and development (R&D) productivity. R&D productivity is the relation-

ship between the commercial and medical value created by a new medicine, and the costs

incurred to develop that medicine. The main drivers for the drop in R&D productivity are the

more-demanding regulatory requirements, more-complex diseases being targeted and expiring

patents [1, 2]. In particular, the expiration of patents in recent years has led to plunging drug

product revenues, as lower-priced generic substitutions have entered the market. To put this

into perspective, the expiration of key patents between 2010 and 2014 resulted in a loss of $113

billion for the industry [3]. Therefore, efforts in the pharmaceutical industry have lately been

focused on the adoption of modern digital technologies, so that new medicines can be developed

more efficiently, in reduced time frames and with lower costs.

There are two major trends currently in pharmaceutical manufacturing: the development

of continuous manufacturing processes, to replace the conventional batch processes; and the

introduction of greener manufacturing practices, which are more environmentally friendly ap-

proaches to drug development. It has been proposed that the adoption of process systems

1



2 Chapter 1. Introduction

engineering (PSE) concepts in the design, development, control, and optimisation of continu-

ous pharmaceutical manufacturing processes can lead to greener, more-efficient and innovative

manufacturing of small molecule drugs [4, 5]. A key aspect of PSE methodologies is the devel-

opment of predictive models and design spaces for common unit operations in the industry such

as solid-liquid separation, anti-solvent based crystallization, multi-phase reactors and distilla-

tion. In particular, pharmaceutical process design heavily relies on predictive thermodynamic

modelling tools to gain an understanding of the physicochemical properties of the system of

interest and to identify required experiments, ultimately reducing the time-consuming labora-

tory work.

At the same time, thermodynamic modelling tools are being continuously developed in order

to meet the need for accurate property prediction in the pharmaceutical sector. Experiments

are central to pharmaceutical R&D, however, they are also expensive, laborious and not always

possible. By using modelling tools, experimental efforts can be focused on the most promising

areas; thus enabling a more efficient approach to drug product development and manufacturing.

Therefore, predictive approaches have an important role to play in the design of pharmaceutical

processes. The requirements in property prediction of the pharmaceutical industry highlight

that there is a pressing need for reliable predictive tools which are capable of covering a wide

range of thermodynamic conditions and predicting properties such as phase equilibria and

solubility of complex multi-phase, multi-component mixtures, including water, organic solvents,

ionic species, dissolved solids and gases, proteins, and others [4, 6, 7].

Among the thermodynamic methods used for property prediction of pharmaceuticals are

models based on the conductor-like screening model (COSMO) [8], i.e., COSMO for real sol-

vents (COSMO-RS) [8–10] and COSMO-segment activity coefficient (COSMO-SAC) [11]. In

COSMO, a quantum mechanical (QM) calculation is performed to obtain the energy, geometry

and the screening charge density on the surface of a solute assuming it is found in an ideal

conductor. For a given compound, this computationally expensive calculation is carried out

only once. The screening charge profile of the structure can then be stored in a database and

directly used from there. Various applications of COSMO-RS and COSMO-SAC to systems of

relevance to the pharmaceutical industry have been presented in the literature [12–14].
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Another predictive method, which is commonly used for solubility calculations of pharma-

ceuticals, is the non-random two-liquid segment activity coefficient model (NRTL-SAC) [15].

In this method, molecules are divided into segments of three different types: hydrophobic, hy-

drophilic and polar segments. The parameters describing the solvents are determined by fitting

to experimental vapor-liquid equilibria (VLE) and liquid-liquid equilibria (LLE) data of a bi-

nary mixture of the solvent and a reference molecule of each category (hexane for hydrophobic

segments, acetonitrile for hydrophilic segments and water for polar segments). After obtaining

the solvent parameters, the parameters of the solute are determined using experimental solu-

bility data. The NRTL-SAC parameters for the solute are transferable and can be applied to

other solvents and solvent mixtures. Several case studies and applications of NRTL-SAC to

pharmaceutical systems can be found in the literature [15–17].

An important category of thermodynamic methodologies with a high predictive power are

group-contribution (GC) approaches. In GC methods, the properties of a system of interest

(a pure compound or a mixture) are described in terms of the functional groups that make up

the molecules. Each group is characterised by a set of group parameters which are typically

developed from experimental data of simple compounds. The optimal group parameters ob-

tained are transferable, and can be used to predict thermodynamic properties of more complex

molecules and mixtures. The inherent assumption in GC methods is that combinations of these

groups can lead to property prediction of the compounds or mixtures of interest.

One of the most commonly used GC thermodynamic methods for property prediction in

the pharmaceutical industry, are activity coefficient based methods, in particular, the universal

quasi-chemical functional group activity coefficient (UNIFAC) method which was first presented

by Fredenslund et al. [18] in 1975. It is probably the most popular GC method for property

prediction used by many academics and industrial groups due to the availability of an extensive

group parameters table [19]. In UNIFAC, the molecules or mixtures of interest are first decom-

posed into distinct functional groups, in accordance with the general approach for representing

molecules in GC methods, the activity coefficients of the mixtures can then be calculated. The

UNIFAC group parameters can be obtained from published tables, and if a required group is

not available, new group parameters may need to be developed by fitting to experimental data.
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The primary application of UNIFAC is the prediction of phase behaviour, especially the VLE, of

non-ideal mixtures. In pharmaceutical applications, UNIFAC has been predominantly used to

predict the solubility of drugs in pure and mixed solvents [20–25], obtaining mostly satisfactory

results. Some studies extended the UNIFAC solubility prediction of drugs to solvent selection

applications [26–28]. Additionally, UNIFAC was applied for the prediction of the solubility of

amino acids and peptides in water as a function of pH and temperature [29, 30].

Despite its popularity, UNIFAC is subject to a number of limitations which perhaps make

it unsuitable for many applications in the pharmaceutical industry. UNIFAC can only be used

to study the phase behaviour of a given system and cannot provide accurate calculations for

other thermodynamic properties (e.g., densities, enthalpies, etc.). Phase equilibria calculations

using UNIFAC cannot be used for systems containing ions, salts, polymers or non-condensable

gases [19], which are frequently found in pharmaceutical solutions. Additionally, as UNIFAC

is strongly dependent on the availability of experimental data to provide accurate predictions,

poor predictions are often obtained for properties such as activity coefficients at infinite dilution,

due to the lack of reliant experimental data. Furthermore, the group parameters in UNIFAC are

obtained by regression to experimental VLE data and fail to predict LLE. Different parameters

have to be used to predict the LLE of a mixture, which makes the method non-practical for

systems that exhibit multiple phase equilibria. Moreover, in UNIFAC, as with other activity

coefficient approaches, the vapour phase is assumed to be ideal, an assumption that is only

valid at low or moderate pressures, i.e. below 10 atm.

With the aim of overcoming these limitations, GC methods have been coupled with equa-

tions of state such as the statistical associating fluid theory (SAFT) [31–34]. The advantages

of using equations of state like SAFT, are that the vapour and liquid phases are treated equiv-

alently, pressure effects are accounted for and a wide range of thermodynamic properties can

be studied.

In this thesis we aim to demonstrate the applicability of the SAFT equation of state (EoS)

for the prediction of thermodynamic properties of pharmaceutical systems. We particularly

highlight the predictive capability of the SAFT-γ Mie GC approach [35–38], a recently devel-
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oped heteronuclear GC version of the SAFT approach, for the prediction of the phase behaviour

and the effect of pH on the solubility of pharmaceuticals and excipients.

1.2 Thesis overview

In Chapter 2, in addition to discussing the history of SAFT and its different versions, we provide

a detailed discussion of the underlying theory of the SAFT-γ Mie EoS [35–38], a heteronuclear

GC version of the SAFT approach. SAFT-γ Mie has gained increasing attention in recent

years due its delivery of a high-level of accuracy in the modelling and prediction of various

thermodynamic properties of many systems including those of relevance to the pharmaceutical

industry [39–44].

In Chapter 3, we use the SAFT-γ Mie GC approach to provide predictions of the complete

phase behaviour including VLE, LLE, and solid-liquid equilibria (SLE), of aqueous solutions of

two non-steroidal anti-inflammatory active pharmaceutical ingredients (APIs), ibuprofen and

ketoprofen. We extend the thermodynamic modelling to predict the pH-dependent solubility

profile of the two monoprotic acidic APIs, ibuprofen and ketoprofen, in a range of aqueous

buffered solutions. Additionally, we demonstrate the applicability of the predicted pH-solubility

profiles for salt selection, to enhance the solubility of APIs, and for determining salt stability in

terms of salt disproportionation. We note that Chapter 3 is an edited version of a peer-reviewed

publication [44].

In Chapter 4, we use the SAFT-γ Mie predictive thermodynamic tool, to develop the pH-

solubility profiles of diprotic APIs in aqueous buffered solutions. The framework is developed

based on the weakly basic diprotic API procaine, a local anesthetic. Additionally, in this

chapter, the parameter estimation workflow within the SAFT-γ Mie framework is demonstrated

through the development of three new SAFT-γ Mie groups, including their like and unlike

interaction parameters, to be used in the modelling of procaine mixtures.

In Chapter 5, we study the phase equilibria of binary and ternary mixtures of formaldehyde,

methanol and water. Formaldehyde is known to lead to the degradation of pharmaceutical drug
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products during storage when it is present as an impurity in the air or when it is generated

by excipients. Therefore, modelling and understanding the VLE of aqueous and methanolic

solutions of formaldehyde is of great importance to the industry. However, an added complexity

in these solutions is that formaldehyde reacts with water and/or methanol to form oligomers

in the liquid and vapour phases. We use the SAFT-γ Mie EoS to predict the VLE of the

mixtures and to account for the oligomerization reactions that take place in the two phases, via

a physical approach, in which the reaction products are treated implicitly and are considered to

be aggregates of the reactants. Additionally, we study the nature of speciation in formaldehyde

+ water, formaldehyde + methanol and formaldehyde + water + methanol mixtures, where we

predictively quantify the distribution of oligomers (reaction products) under various conditions

of temperature and pressure.

We conclude the thesis in Chapter 6, where we provide a summary of the key achievements

from the current work. We also discuss some directions for future work to build on the findings

from this thesis.



Chapter 2

The SAFT equation of state for

pharmaceutical mixtures

2.1 Introduction

The statistical associating fluid theory (SAFT) is an equation of state (EoS) which stems from

the thermodynamic perturbation theory (TPT) of Wertheim [45–48] for associating and chain

fluids. Its development in the late 1980s by Gubbins and co-workers [31–34], was motivated by

the need for a rigorous algebraic framework to model properties of associating and polymeric

fluids. Due to its successful application to complex fluid systems, such as surfactants, polymers,

hydrogen-bonding molecules (e.g., water), micelles, polyfunctional molecules (e.g., amino acids

and peptides) and electrolytes, the SAFT EoS received increasing attention in the academic and

industrial community and, almost three decades after the publication of the original papers,

a vast amount of research has been devoted to the development of numerous versions and

applications of the method. For comprehensive reviews see refs [49–55].

More recently, work dedicated to developing SAFT-based group-contribution (GC) ap-

proaches involved the application of the group contribution concept to homonuclear and het-

eronuclear versions of SAFT. We devote the following sections to a more detailed discussion of

these approaches.

7
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2.1.1 Homonuclear GC approaches

In homonuclear GC approaches the molecular model employed is the traditional SAFT represen-

tation of molecular chains formed from identical bonded segments, with all segments described

by the same set of parameters, so that the underlying theory remained unchanged. One of the

first attempts to combine a group contribution method to the original SAFT EoS [33, 34] was

by Lora et al. [56]. Several other SAFT-based GC approaches were consequently developed to

study n-alkanes, alkylbenzenes, olefins, and alcohols [57, 58]. This was later extended to ac-

count for polarity in light and heavy esters [59], polycylic hydrocarbons [60], ethers, aldehydes,

ketones [61], amines [62] and long-chain multi-functionional molecules such as alkanediols and

alkanolamines [63].

A more sophisticated group contribution approach (GC-SAFT) was implemented later by

Tamouza et al. [64], within the original SAFT [33, 34] and the SAFT-VR [65, 66] approaches.

Even though the concept of groups building up to molecules is introduced explicitly in this

approach, the underlying molecular model is still a homonuclear one in which group parameters

need to be averaged to predict pure compounds and mixture properties. This method was used

to study systems of alkanes, α-olefins, 1-alkanols, alkylbenzenes, alkyl cyclohexanes [64, 67]

alkyl esters, formates and their mixtures [68, 69].

Group-contribution based approaches have also been studied within the perturbed chain

SAFT (PC-SAFT) framework. The proposition of the PC-SAFT [70] approach is slightly

different to other versions of SAFT in that the Helmholtz energy of a homonuclear hard chain

fluid (as opposed to that of the monomer fluid) is first considered and the dispersion interactions

are then described by a perturbation expansion with the hard-chain fluid as reference.

The PC-SAFT approach has been applied to several systems such as hydrofluroethers [71].

The same method was used to study the ester series by including dipole-dipole interactions

using the perturbation expansion of Twu and Gubbins [72]. In a later study, a quadrupolar-

quadrupolar contribution [73], has also been used for the prediction of equilibrium properties

of polycyclic aromatic hydrocarbons and their mixtures. The vapour pressures of 19 chemical
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families including aliphatic, cyclic and aromatic hydrocarbons, alcohols, amines, nitriles, esters,

ketones, ethers, and others have also been considered [74]. Tihic et al. [75] used PC-SAFT in

combination with the group contribution of Constantinou et al. [76] to incorporate first- and

second-order groups allowing the consideration of isomers and proximity effects. The PC-SAFT

approach was later extended by Cameretti et al. [77] to account for charged molecules in the

electrolyte PC-SAFT (ePC-SAFT) approach.

PC-SAFT (in all its versions) was more recently used to study the properties of systems

relevant to the pharmaceutical industry, including active pharmaceutical ingredients (APIs),

amino acids, and peptides. The methods were used to calculate the solubility, phase behaviour

and relative humidity, among other properties, of API mixtures for various pharmaceutical

applications as shown in Table 2.1. The application of PC-SAFT has also been extended to

study mixtures of amino acids and peptides as summarized in Table 2.2.

Despite the success of homonuclear SAFT-based approaches in describing the thermody-

namic properties of a wide range of systems, the predictive capability of these methods is limited

to properties of a homologous series. No information on the nature of the unlike interactions

between the groups or molecules is provided, as the underlying homonuclear model does not

enable the differentiation of groups at the molecular level.

2.1.2 Heteronuclear approaches

Following the original first-order thermodynamic perturbation theory (TPT-1) of Wertheim [31,

32, 45–48], heteronuclear models can be proposed where the segments in a given molecule

are arbitrarily different. Within the context of SAFT treatment, several versions have been

developed based on a tangential heteronuclear model, in which the square-well (SW) [134–137]

and Lennard-Jones (LJ) [138–140] potentials were implemented to describe the group-group

interactions.

A heteronuclear model, which allows the free energy of the fluid to be written explicitly

in terms of group parameters that are different is ideally suited to developing a molecular-



10 Chapter 2. The SAFT equation of state for pharmaceutical mixtures

Table 2.1: Overview of the versions of the SAFT equation of state used to study the thermo-
dynamic properties of various active pharmaceutical ingredients (APIs), including: amorphous
solid dispersions (ASD), deep-eutectic solvents (DES), room temperature ionic liquids (RTIL),
aqueous two phase system (ATPS), non-steroidal anti-inflammatory drugs (NSAIDs), and lipid-
based drug delivery systems (LBDDS).

Property SAFT version Reference Pharmaceutical application
and/or system studied

Dissolution PC-SAFT [70, 77] Paus et al. [78] API + water
Ji et al. [79] ASD

Partition coefficients SAFT-γ Mie [35–38] Hutacharoen et al.[39] Acidic drugs
PC-SAFT Laube et al. [80] API + multiple solvents, at various T & pH

Osmotic pressure SAFT-γ Mie Di Lecce et al. [42, 43] DES/RTIL
Vapour-liquid equilibria (VLE) SAFT-γ Mie Wehbe et al. [44] Ionizable acidic drugs

Di Lecce et al. [42, 43] DES/RTIL
Liquid-liquid equilibria (LLE) SAFT-γ Mie Wehbe et al. [44] Ionizable acidic drugs

Di Lecce et al. [42, 43] DES/RTIL
PC-SAFT Laube et al. [81] Extraction

Solubility (solid-liquid
equilibria (SLE))

SAFT-γ Mie Wehbe et al. [44] Ionizable acidic drugs

Hutacharoen et al.[39] Acidic drugs
Febra et al.[41] NSAIDs

PC-SAFT Prudic et al. [82, 83] ASD
Paus et al. [84] ASD, solubility advantage
Lehmkemper et al. [85] ASD
Dohrn et al. [86] ASD, spray drying
Ruether et al. [87] API in pure solvents & solvent mixtures
Lange et al. [88] Co-crystals, solvent & anti-solvent mixtures
Brinkmann et al. [89] API + triglycerides, LBDDS
Brinkmann et al. [90] API + edible oils, lipid-based formulations
Mathers et al. [91] ASD, storage
Paus et al. [92] API + water, dissolution
Paus et al. [93] API + excipients + water
Ge et al. [94] API + water

Multiple phase
equilibria (SLE, LLE, VLE)

SAFT-γ Mie Wehbe et al. [44] Ionizable acidic drugs

PC-SAFT Prudic et al. [95] ASD
Veith et al. [96] ASD, stability, relative humidity, hydrates
Veith et al. [97] Co-crystals, stability, relative humidity
Borrmann et al. [98, 99] ASD, relative humidity
Prudic et al. [100] ASD, relative humidity
Luebbert et al. [101–103] ASD
Luebbert et al. [104] ASD, solvent selection
Luebbert et al. [105] ASD, stability
Dohrn et al. [106] ASD, solvent selection
Dohrn et al. [107, 108] ASD
Wolbert et al. [109] ASD, stability, crystallization
Dohrn et al. [110] API + solvent mixtures, cosolvents
Iemtsev et al. [111] ASD, stability
Chen et al. [112] API + excipients + water

pH-Solubility SAFT-γ Mie Wehbe et al. [44] Ionizable acidic drugs
PC-SAFT Cassens et al. [113] Ionizable basic drugs

Paus et al. [114] Ionizable drugs, dissolution

level group-contribution model. The advantage of a tangential model that follows directly

from Wertheim’s theory for chain formation is that the detailed connectivity of the segments

can be preserved at some level and hence some isomers can be differentiated. However, a



2.1. Introduction 11

Table 2.2: Overview of the versions of the SAFT equation of state used to study the thermo-
dynamic properties of various amino acids (AA) and peptides.

Property SAFT version Reference
Pharmaceutical application
and/or system studied

Liquid-liquid equilibria (LLE) SAFT of Huang
& Radosz [115]

Nazem et al. [116] AA + water + ionic liquids

Partition coefficients PC-SAFT [70, 77] Wysoczanska et al. [117] AA + PEG + biodegradable salts
pH-Solubility SAFT-VR [65, 66] Anvari et al. [118] AA + water, AA + AA, AA + salts

original SAFT [31–34] Seyfi et al. [119] AA + water, AA + AA + water
PC-SAFT Daldrup et al. [120] Multisolute AA + water

Fuchs et al. [121] AA + water, AA + alcohols, AA + water + alcohols
Lee et al. [122] AA + water

Solubility (solid-liquid
equilibria (SLE))

PC-SAFT Do et al. [123] AA + water

Do et al. [124] AA + water + 2-propanol, crystallization, anti-solvents
Cameretti et al. [125] AA + water, polypeptides + water
Daldrup et al. [126] AA + water, AA + AA + water
Do et al. [127] Dipeptides + water
Do et al. [128] Tripeptides + water
Held et al. [129] AA + water
Bang et al. [130] AA + salt + water
Held et al. [131, 132] AA + salt + water

SAFT of Huang
& Radosz

Ji et al. [133] AA + alcohol + water

tangential model is not capable of accurately describing multifunctional molecules [141]. A

fused heternouclear model, as proposed by the SAFT-γ SW GC approach [141, 142], is more

suited to accurately describe real fluids.

In the SAFT-γ SW GC approach, heteronuclear molecules are represented as fused SW

segments of different type with a shape factor to characterize the degree of overlap between the

different groups. The method was shown to successfully describe the fluid phase behaviour of

a wide range of pure components including n-alkanes, branched alkanes, alkylbenzenes, olefins,

carboxylic acids, alcohols, ketones and amines [141, 142]. The method was also used to study

aqueous solutions of alkanes and alcohols [143], in addition to systems of ionic liquids [144]. A

closely related fused heteronuclear generalization of SAFT with attractive potentials of vari-

able range (SAFT-VR) using SW potentials, the GC-SAFT-VR approach, was presented by

Peng et al. [145]. The theories underlying the SAFT-γ GC and GC-SAFT-VR are identical,

providing an equivalent description of the thermodynamic properties of heteronuclear diatomic

and triatomic molecules, with the only difference being the treatment of the contribution due



12 Chapter 2. The SAFT equation of state for pharmaceutical mixtures

to the formation of chain-like molecules from distinct functional groups [55]. A key advantage

of both approaches is that mixtures can be treated fully predictively without the need to use

combining rules and adjustable parameters; once the contributions from a set of functional

groups are known they can be combined to predict the properties of any compound or mixture

that comprises these groups.

A particularly useful and more recent heteronuclear GC SAFT approach is the SAFT-γ Mie

EoS [35–38] which is a more general GC version of the earlier homonuclear SAFT-VR Mie EoS

[146]. In the SAFT-γ Mie EoS, a Mie (generalized Lennard-Jones) potential [147] of variable

repulsive and attractive ranges is used to describe the segment-segment group interactions. The

increasing interest in the SAFT-γ Mie GC approach stems from the provision of a high-level of

accuracy in the modelling and prediction of a variety of thermodynamic properties including

phase equilibria, excess properties of mixing and second-derivative properties for a wide range

of systems [35, 36, 39, 148].

In the following section, we provide a more detailed discussion of the underlying theory of

the SAFT-γ Mie EoS, including its extension to treat electrolyte solutions. Following this, we

discuss the applicability of the SAFT-γ Mie GC approach to pharmaceutical systems and its

usefulness in predicting thermodynamic properties of relevance to the pharmaceutical industry.

2.2 The SAFT-γ Mie group-contribution approach: molec-

ular systems and electrolytes

2.2.1 Models and theory

In the SAFT-γ Mie [35–38] GC EoS, molecules are modelled as heteronuclear chains of fused

spherical segments which represent the functional groups that make up the molecule. The

segments interact via Mie potentials of variable range. Short-range association sites may be

added to the groups/segments, if necessary, to account for short-range directional forces. As
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an example, in Figure 2.1, a non-steroidal anti-inflammatory drug (NSAID), ibuprofen, is di-

vided into the corresponding groups needed to represent the molecule within the SAFT-γ Mie

framework. The groups are: CH3, aCH, aCCH, aCCH2, CH and COOH.

Figure 2.1: The representation of an ibuprofen molecule within the SAFT-γ Mie framework.
Each of the coloured spheres corresponds to a different group with the small cyan, light green
and grey spheres representing association sites on a given group.

In general, any compound i is represented by its different constituent groups k, where a

group k is characterised by a number ν∗
k of spherical segments and a shape factor Sk which

represents the contribution of each segment to the overall thermodynamic properties of the

molecule considered. The interaction between two groups k and l is described using the Mie

[147] potential

ΦMie
kl (rkl) = Ckl εkl

[(
σkl

rkl

)λr
kl

−
(
σkl

rkl

)λa
kl

]
, (2.1)

where rkl is the distance between the centers of the segments, σkl the segment diameter, εkl the

depth of the potential well (dispersion energy), and λr
kl and λa

kl are the repulsive and attractive

exponents of the segment-segment interaction, respectively. The prefactor Ckl is a function of

the Mie potential exponents

Ckl =
λr
kl

λr
kl − λa

kl

(
λr
kl

λa
kl

) λakl
λr
kl

−λa
kl

; (2.2)

which ensures the minimum of the interaction potential is −εkl.

Hydrogen bonding and strong polar interactions are treated by incorporating short-range

square-well association sites on any given segment when appropriate. A segment k can have a

number of NST,k of different association site types, with nk,a sites of type a = 1, ..., NST,k. The
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association interaction between two square-well sites of type a on segment k and b on segment

l is given by

ΦHB
kl,ab(rkl,ab) =


−εHB

kl,ab if rkl,ab ≤ rckl,ab

0 if rkl,ab > rckl,ab

, (2.3)

where rkl,ab is the distance between the centres of the two sites, εHB
kl,ab is the association energy,

and rckl,ab the cut-off range of the interaction between sites a and b, which can be equivalently

described in terms of the bonding volume Kkl,ab [31]. Each site is positioned at a distance rdkk,aa

or rdll,bb from the center of the segment on which it is placed.

If charged groups are present, the formalism is extended following an unrestricted primitive

model to account for Coulombic interactions related to the charged species [149, 150]. Each

ionic group is assigned a central point charge q and an additional parameter σBorn
kk is used to

represent the Born cavity diameter, delivering a more accurate solvation free energy of the

ions. The relative static permittivity ϵr for the dielectric medium presented by Schreckenberg

et al. [151] is used to replace the explicit representation of the polarity of the solvent.

In the SAFT-γ Mie EoS, the total Helmholtz free energy A of a mixture of associating

heteronuclear chains of fused spherical segments is expressed as the sum of six contributions

(cf. Figure 2.2), based on a perturbation approach:

A = Aideal + Amono. + Achain + Aassoc. + ABorn + Aion , (2.4)

where AIdeal corresponds to the ideal gas free energy, AMono is the contribution accounting for

the interaction of monomeric segments through Mie potentials, AChain is the contribution to

the free energy of the formation of chains of molecules from the fused Mie segments and AAssoc

accounts for molecular association through short-range directional interactions. The detailed

expressions for each of the first four terms are given in the original publications [35–38]. The

presence of charged species is accounted for by the last two terms [149, 150]: the AIon term

represents the Coulombic ion-ion interactions, obtained using the primitive unrestricted Mean
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Spherical Approximation (MSA) [152, 153] model, and the ABorn term accounts for the ion-

solvent electrostatic interactions following the Born [154] model. The underlying expressions

for each of the six terms in Equation (2.4) are summarized in the following sections.

Figure 2.2: Schematic representation of each of the terms contributing to the Helmholtz free
energy of the system within the SAFT-γ Mie GC approach: AIdeal corresponds to the ideal-gas
free energy, AMono accounts for the dispersion interaction of monomeric segments, AChain is
the contribution to the free energy due to the formation of chains of molecules, AAssoc accounts
for molecular association through hydrogen bonding-like interactions, ABorn accounts for the
ion–solvent electrostatic interactions following the Born [154] model and AIon represents the
Coulombic ion–ion interactions.

2.2.1.1 Ideal term

The free energy corresponding to an ideal mixture of molecules is given by [155]

Aideal

NkBT
=

(
NC∑
i=1

xi ln
(
ρiΛ

3
i

))
− 1 , (2.5)

where xi is the mole fraction of component i in the mixture, ρi = Ni/V is the number density

with Ni the number of molecules of component i, V the total volume, N =

NC∑
i

Ni the total

number of molecules, kB the Boltzmann constant, T the absolute temperature and NC is the

total number of components in the mixture. Λ3
i is the thermal de Broglie volume which im-

plicitly accounts for the effects of rotational, vibrational and translational contributions to the

kinetic energy.
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2.2.1.2 Monomer term

The monomer contribution to the free energy, which represents the segment-segment dispersion

interactions, is obtained from a Barker-Henderson [156, 157] expansion up to third order [146],

expressed as
Amono.

NkBT
=

AHS

NkBT
+

A1

NkBT
+

A2

NkBT
+

A3

NkBT
, (2.6)

where AHS is the free energy of a hard-sphere reference system of diameter dkk [156]. This is

given by [141]
AHS

NkBT
=

(
NC∑
i=1

xi

NG∑
k=1

νk,iν
∗
kSk

)
aHS , (2.7)

where xi is the mole fraction of component i, NG is the number of types of groups present and

νk,i is the number of groups of type k on component i. aHS is the dimensionless contribution

to the hard-sphere free energy per segment obtained following Boublík [158] and Mansoori et

al. [159] as,

aHS =
6

πρs

[(
ζ32
ζ23

− ζ0

)
ln(1− ζ3) + 3

(
ζ1ζ2
1− ζ3

)
+

ζ32
ζ3(1− ζ3)2

]
,

where

ρs = ρ

(
NC∑
i=1

xi

NG∑
k=1

νk,iν
∗
kSk

)
(2.8)

and the moment densities ζm are given by

ζm =
πρs
6

NG∑
k=1

xs,kd
m
kk , m = 0, 1, 2, 3 ; (2.9)

xs,k is the fraction of segments of a group of type k in the mixture,

xs,k =

NC∑
i=1

xiνk,iν
∗
kSk

NC∑
j=1

xj

NG∑
l=1

νl,jν
∗
l Sl

. (2.10)
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The remaining three terms in the expansion (Equation (2.6)) are evaluated using similar sum-

mations over the free-energy contributions per segment. The first-order, second-order and

third-order terms are given by

Aq

NkBT
=

(
1

kBT

)q
(

NC∑
i=1

xi

NG∑
k=1

νk,iν
∗
kSk

)
aq , q = 1, 2, 3 . (2.11)

The aq are obtained by summing the pairwise aq,kl between groups k and l over all pairs of

functional groups present in the system,

aq =

NG∑
k=1

NG∑
l=1

xs,kxs,laq,kl , q = 1, 2, 3 . (2.12)

To calculate a1,kl, appearing in the first perturbation term a1, knowledge of the radial

distribution function (RDF) of the effective hard-sphere fluid for a range of separations is

required. To derive an analytical expression for this contribution in a similar manner to the

development of the original SAFT-VR [65], the mean-value theorem is used and a mapping of

the real density of the fluid to an effective density is carried out for ranges of exponents of the

Mie potentials 5 < λkl ≤ 100 [146].

The calculation of a2,kl, appearing in the fluctuation term a2, depends on 2-, 3- and 4-

body correlation functions. For this term, an analytical expression is obtained based on the

macroscopic compressibility approximation (MCA) [160] combined with a correction similar to

that proposed by Paricaud [161] for soft potentials [146]. A number of coefficients are obtained

from the analysis of Monte Carlo molecular-simulation data of selected Mie fluids [146].

For a3,kl, which appears in the third perturbation term a3, an empirical expression is used

which includes coefficients obtained from phase-equilibrium and critical data of selected Mie

fluids, such that higher-order terms of the expansion are implicitly considered. This results in

an excellent description of experimental thermophysical-property data of real fluids, even in

near critical regions [146]. The explicit expressions for the aq,kl are given in refs [35] and [146] .
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2.2.1.3 Chain term

The chain term in SAFT-γ Mie is the contribution to the Helmholtz free energy of the formation

of chains of molecules from fused Mie segments. It is obtained using the formal TPT1 expression

of Wertheim [32, 162]. To use this formalism, average molecular parameters (σ̄ii, d̄ii, ε̄ii and

λ̄ii) are first obtained for each molecular species.

The average molecular segment diameter σ̄ii and the effective hard-sphere diameter d̄ii are

defined as

σ̄3
ii =

NG∑
k=1

NG∑
l=1

zk,izl,iσ
3
kl , (2.13)

and

d̄3ii =

NG∑
k=1

NG∑
l=1

zk,izl,id
3
kl , (2.14)

respectively. zk,i represents the molecular fraction of a given group k in a molecule i, which is

given by

zk,i =
νk,iν

∗
kSk∑NG

l=1 νl,iν
∗
l Sl

. (2.15)

The average interaction energy ε̄ii and exponents which characterize the range of the potential

λ̄ii are given as

ε̄ii =

NG∑
k=1

NG∑
l=1

zk,izl,iεkl , (2.16)

and

λ̄ii =

NG∑
k=1

NG∑
l=1

zk,izl,iλkl , (2.17)

respectively. Equation (2.17) is used for both the repulsive λ̄r
ii, and the attractive λ̄a

ii exponents.

Consequently, the TPT1 expression for the chain term is

Achain

NkBT
= −

NC∑
i=1

xi

(
NG∑
k=1

νk,iν
∗
kSk − 1

)
lngMie

ii (σ̄ii; ζx) , (2.18)

where gMie
ii (σ̄ii; ζx) is the RDF evaluated at σ̄ii in a hypothetical fluid of packing fraction ζx =
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π

6
ρs

NG∑
k=1

NG∑
l=1

xs,kxs,ld
3
kl, which is calculated using a second-order expansion [146] :

gMie
ii (σ̄ii; ζx) = gHS

d (σ̄ii; ζx)exp[βε̄iig1(σ̄ii)/g
HS
d (σ̄ii; ζx)

+ (βε̄ii)
2g2(σ̄ii)/g

HS
d (σ̄ii; ζx)] . (2.19)

gHS
d (σ̄ii; ζx) represents the RDF of a system of hard spheres of diameter d̄ii at distance σ̄ii and

packing fraction ζx; which is calculated using the expression of Boublík [163]. g1(σ̄ii; ζx) and

g2(σ̄ii; ζx), which appear in the first- and second-order terms respectively, are each approximated

by their value at the contact distance d̄ii, such that, gq(σ̄ii; ζx) ≈ gq(d̄ii; ζx), for q = 1, 2 .

g1(d̄ii; ζx) is obtained by the calculation of pressure from the virial and the free-energy routes [65,

66, 146] and an expression based on the MCA with a correction term is used for g2(d̄ii; ζx). All

the parameters and free energy terms required are evaluated using Equations (2.13)–(2.17). A

more detailed description of the development of all the expressions can be found in the original

SAFT-γ Mie paper [35] .

2.2.1.4 Association term

The association term represents the contribution to the free energy due to the association of

molecules via short-range bonding sites. This follows from the original TPT1 expressions of

Wertheim [31, 32, 45–48] as

Aassoc.

NkBT
=

NC∑
i=1

xi

NG∑
k=1

νk,i

NST,k∑
a=1

nk,a

(
lnXi,k,a +

1−Xi,k,a

2

)
, (2.20)

where NG is the number of groups, NST,k is the number of site types on each group k, nk,a is

the number of sites of type a on group k (a = 1, ..., NST,k) and Xi,k,a is the fraction of molecules

of component i that are not bonded at a site of type a on group k. Xi,k,a is obtained from the

solution of the mass action equations as [31, 48, 141]

Xi,k,a =

1 + ρ

NC∑
j=1

xj

NG∑
l=1

νl,j

NST,l∑
b=1

nl,bXj,l,b∆ij,kl,ab

−1

. (2.21)
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Here ρ is the molecular density and ∆ij,kl,ab characterizes the overall strength of the association

between a site of type a on a group of type k of component i and a site of type b on a group

of type l of component j. This is approximated as

∆ij,kl,ab = Fkl,abKkl,abIij , (2.22)

where Fkl,ab = exp
(
εHB
kl,ab/kBT

)
− 1, Kkl,ab is the bonding-volume, and Iij is a dimensionless

polynomial temperature−density correlation of the association integral, expressed as

Iij =
10∑
p=0

10−p∑
q=0

cpq
(
ρsσ

3
x

)p(kBT

ε̄ij

)q

. (2.23)

The coefficients cpq are given in refs [37, 38]. σ3
x and ε̄ij are given by

σ3
x =

NG∑
k=1

NG∑
l=1

xs,kxs,lσ
3
kl , (2.24)

and

ε̄ij =

√
σ̄3
iiσ̄

3
jj

σ̄3
ij

√
ε̄iiε̄jj , (2.25)

respectively. σ̄ii and σ̄jj are given by Equation (2.13), ε̄ii and ε̄jj by Equation (2.16), and

σ̄ij =
σ̄ii + σ̄jj

2
. (2.26)

2.2.1.5 Born term

Within the Born model [154], a spherical cavity of diameter σBorn
ii is created for each ion in

the dielectric medium, independent of any others, resulting in a change in the Helmholtz free

energy given by

ABorn = − e2

4πϵ0

(
1− 1

ϵr

) nion∑
i=1

NiZ
2
i

σBorn
ii

. (2.27)

Here index i runs over all nion charged species, e = 1.602 × 10−19 C is the elementary charge,

ϵ0 = 8.854×10−12C2J−1m−1 the static permittivity in vacuum, ϵr the relative static permittivity
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and Zi the valency of ion i.

2.2.1.6 Ion term

The ion term represents the contribution to the free energy due to the electrostatic interactions

between charged species, given by [151]

Aion = UMSA +
Γ3kBTV

3π
. (2.28)

Here UMSA is the MSA contribution [152, 153] to the internal energy U , V is the volume of the

system, and Γ is the screening length of the electrostatic forces, and

UMSA = − e2V

(4πϵ0) ϵr

[
Γ

V

nion∑
i=1

(
NiZ

2
i

1 + Γσii

)
+

π

2∆
ΩP 2

n

]
, (2.29)

where σii is the diameter of each ion, ∆ represents the packing fraction of the ions as

∆ = 1− π

6V

nion∑
i=1

Niσ
3
ii. (2.30)

Pn and Ω are coupling parameters, where Pn couples to the charge of the ions, and Ω relates to

the packing fraction of the ions. Both coupling parameters are functions of the ionic parameters,

as well as the screening length of the ions:

Pn =
1

ΩV

nion∑
i=1

NiσiiZi

1 + Γσii

, (2.31)

Ω = 1 +
π

2∆V

nion∑
i=1

Niσ
3
ii

1 + Γσii

. (2.32)

The screening length of the ions is a function of the relative static permittivity ϵr and the

effective charge Qi (Γ) of the ions, leading to an implicit formulation through Qi:

Γ2 =
πe2

(4πϵ0) ϵrkBTV

nion∑
i=1

NiQ
2
i , (2.33)
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where the effective charge is related to the electric charge of the individual species and the Pn

coupling parameter,

Qi =
Zi − σ2

iiPn (π/ (2∆))

1 + Γσii

. (2.34)

2.2.1.7 Combining rules

Unlike group interaction parameters are required when using the SAFT-γ Mie GC approach due

to the heteronuclear nature of the model. For example, the unlike interaction between the CH3

and CH2 groups is required to represent pure n-alkanes. Combining rules are generally used

to determine the unlike group interactions, given that the like group parameters are known. If

necessary, these unlike group interaction parameters can be further refined by estimation using

experimental data

The unlike segment diameter σkl is obtained from the Lorentz rule [164]. The same com-

bining rule is also used in the calculation of the unlike effective hard-sphere diameter, dkl, i.e.,

σkl =
σkk + σll

2
; dkl =

dkk + dll
2

. (2.35)

In SAFT-γ Mie, the unlike dispersion energy can be calculated using an augmented geometric

mean rule which accounts for the asymmetry in size of the segments [35]

εkl =

√
σ3
kkσ

3
ll

σ3
kl

√
εkkεll . (2.36)

For the unlike attractive and repulsive exponents of the Mie potential, combining rules based

on applying the geometric-mean criterion on the van der Waals energy are used [35]

λy
kl = 3 +

√
(λy

kk − 3) (λy
ll − 3) , y = a, r . (2.37)

In the case of interactions involving uncharged associating groups the unlike association
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energy εHB
kl,ab can be calculated using a geometric mean as [36]

εHB
kl,ab =

√
εHB
kk,aaε

HB
ll,bb , (2.38)

while the unlike bonding volume Kkl,ab is calculated as [36]

Kkl,ab =

(
3
√

Kkk,aa + 3
√
Kll,bb

2

)3

. (2.39)

Additionally, for the case of interactions involving charged groups, the dispersion energy

between like or unlike ions, εkl, is calculated using combining rules based on the work of

Hudson and McCoubrey [165]:

εkl =
(λr

kl − 3) (λa
kl − 3)

2C (λr
kl − λa

kl)

α0,kα0,l

(4πϵ0)
2 σ6

kl

IkIl
Ik + Il

, (2.40)

where α0 is the electronic polarisability and I is the ionisation potential of the ion.

When the use of combining rules does not lead to an accurate representation of the thermo-

dynamic properties (or phase behaviour) of the systems of interest, the group parameters are

further refined using experimental data as part of a parameter-estimation strategy, as discussed

in the following section. The use of a heteronuclear model in the SAFT-γ Mie EoS, offers the

advantage that pure-component data alone can, in many cases, be used to obtain an accurate

estimate of the values of unlike group-interaction parameters.

2.2.1.8 Parameter estimation

To estimate the SAFT-γ Mie parameters for a given group, the following least-squares objective

function is minimised:

min
Θ

fobj =
NX∑
X=1

ND
X∑

i=1

wX,i

(
Rexp

X,i −Rcalc
X,i (Θ)

Rexp
X,i

)2

, (2.41)
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where Θ is the vector of model parameters, NX is the number of property types, ND
X is the

number of experimental data points for property X, Rexp
X,i is the ith measured value of property

X, Rcalc
X,i is the corresponding value calculated by the SAFT-γ Mie EoS and wX,i refers to the

the weight of data point i for property X.

In order to determine the accuracy of the theoretical description provided by the SAFT-γ

Mie GC approach using the newly developed group interactions, compared to the experimental

data, for a property X, the percentage absolute average deviation (%AAD [X ]),

%AAD[X] =
100

ND
X

ND
X∑

i=1

∣∣∣∣∣R
exp
X,i −Rcalc

X,i

Rexp
X,i

∣∣∣∣∣ , (2.42)

and the absolute average deviation (AAD [X ]),

AAD[X] =
1

ND
X

ND
X∑

i=1

∣∣Rexp
X,i −Rcalc

X,i

∣∣ , (2.43)

are often used.

The increasing interest over the years in the SAFT-γ Mie GC approach for thermody-

namic property prediction of various systems, led to the expansion of the corresponding groups

database. Today, the SAFT-γ Mie group database features more than 60 groups, many of

which are found in pharmaceutical compounds. The reader is referred to the GitHub repository

(https://github.ic.ac.uk/ce-mse-saft-database/database) for the latest version of the SAFT-γ

Mie groups database. A recent review by Haslam et al. [148] presented the SAFT-γ Mie group

parameters table and showcased the performance of the GC approach for a wide range of ap-

plications. In Table 2.3 the SAFT-γ Mie group matrix relevant to the systems of interest in

the current work is presented. Like and unlike group interaction parameters are obtained from

previous work, where applicable [35–40, 42, 43, 150, 166, 167]. Additionally, we expand the

matrix of groups by estimating like and unlike interactions for a number of new groups, as

discussed in the following chapters. The complete set of SAFT-γ Mie group parameters used

in the current work, including the newly developed ones, can be found in Tables A.1, A.2 and

A.3 in the Appendix.

https://github.ic.ac.uk/ce-mse-saft-database/database
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Table 2.3: Group interactions required to model the mixtures studied in the current work. Blue
cells indicate interactions from previous work [35–40, 42, 43, 150, 166, 167], white cells indicate
interactions that are not needed in the current work, grey cells indicate interactions calculated
using the combining rules of Equations (2.36) and (2.40) for uncharged and charged groups,
respectively. Yellow, green and red cells indicate interaction developed in the current work in
Chapters 3, 4 and 5, respectively.

  1                              

1 H2O 2                         

2 CH3 3                            

3 aCH 4                      

4 aCCH 5                          

5 aCCH2 6                     

6 CH 7                     

7 COOH 8                    

8 aCCOaC 9                      

9 CH2 10                  

10 NH2 11                    

11 C 12                   

12 N 13                  

13 aCCOO 14                 

14 aCNH2 15                

15 CH2O 16               

16 CH3OH 17              

17 COO� 18             

18 NH3
+ 19            

19 N+ 20           

20 aCNH3
+ 21          

21 H3O
+ 22         

22 OH� 23        

23 Cl� 24       

24 Br� 25      

25 Na+ 26     

26 K+ 27    

27 Li+ 28   

28 Rb+ 29  

29 Ca2+ 30

30 Mg2+

Combining rules

Chapter 3

Chapter 4

Chapter 5

Published

 Not needed

It is worth mentioning that, when estimating group parameters within the SAFT-γ Mie

GC approach, a physically meaningful description of the group is maintained, as discussed by

Papaioannou et al. [35]. For example, the shape factor of a group k, Sk, is representative of

the contribution of the group to the overall properties of the molecule, such that a group with

a larger contribution to the molecule properties will have a larger shape factor. This can be

demonstrated by comparing the values for the shape factor Sk for the NH2 and N groups of

0.79675 and 0.15069 (cf. Table A.1), respectively, which are physically reasonable given that a

tertiary amine (N) group has a smaller impact on a molecule’s overall properties as compared

to the larger primary (NH2) amine group. Additionally, the attractive exponent of the Mie
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potential λa
kk is set to a value of 6 for most of the SAFT-γ Mie groups representative of the

London dispersion interactions that occur [146]. Another factor considered when estimating

group parameters is ensuring that for associating groups, the association energy εHB
kk is larger

than the group’s dispersion energy εkk due to the nature of stronger intermolecular interactions

taking place between hydrogen bonding (associating) sites as compared to other intermolecular

forces.

In the following section we discuss the calculation of various thermodynamic properties using

the SAFT-γ Mie EoS, highlighting the applicability of the GC approach for the prediction of

properties of relevance to the pharmaceutical industry.

2.2.2 Property prediction of relevance to pharmaceuticals

In recent years, the SAFT-γ Mie GC approach has been successfully used to predict ther-

modynamic properties of pharmaceutical systems (cf. Tables 2.1 and 2.2). In SAFT-γ Mie,

the Helmholtz free energy of a fluid mixture (Equation (2.4)) is a function of temperature T ,

volume V and the composition vector N (of i components). Knowledge of the pressure P ,

chemical potential µi and fugacity coefficient φ̂i of a given component i, allows the calculation

of fluid-phase behaviour and solution properties. These can be obtained from the Helmholtz

free energy following standard thermodynamic relations [168]. The pressure is obtained as,

P = − ∂A(T, V,x)

∂V

∣∣∣∣
T,N

, (2.44)

the chemical potential as,

µRes
i (T, P,x) =

∂ARes(T, V,x)

∂Ni

∣∣∣∣
T,V,Nj ̸=i

−RT lnZ(T, P,x) , (2.45)

and the fugacity coefficient as

ln φ̂i(T, P,x) =
µRes
i (T, P,x)

RT
, (2.46)
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where, µRes
i is the residual chemical potential of component i, ARes = A−AIdeal is the residual

free energy, Z = PvP/(RT ) is the compressibility factor, with vP = VP/N as the molar volume

at the specified pressure, N is the total number of moles and x = N/N .

2.2.2.1 Fluid-phase equilibrium

In general, once two or more phases are brought into contact with each other, there will be

an exchange of their constituents until the composition of each phase reaches a constant value,

i.e., phase equilibrium is achieved. The thermodynamic equilibrium of an isolated multi-phase

mixture of i components depends on the temperature T, pressure P and total number of moles

x of the mixture, and is based on the equality of the chemical potential of each component i,

µi, in each phase (α or β),

µα
i (T, P,x

α) = µβ
i

(
T, P,xβ

)
, α ̸= β and ∀ i , (2.47)

which can be obtained from the Helmholtz free energy of the system. Consequently, the com-

position x of each phase at equilibrium, for a given T and P, can be determined.

The SAFT-γ Mie GC approach has been shown to deliver a high-level of accuracy in the

modelling and prediction of various fluid-phase equilibria, including liquid–liquid equilibria

(LLE), vapor–liquid equilibria (VLE) and vapor–liquid–liquid equilibria (VLLE) of a wide range

of mixtures [35, 36, 39, 148]. Of particular relevance to this work is the previous work by

Hutacharoen et al. [39], in which the octanol-water partition coefficients Ki,OW of multiple

APIs were accurately predicted. Ki,OW is based on the ratio of the molar concentrations of an

infinitely dilute solute i distributed in the two equilibrium LLE phases formed by mixtures of 1-

octanol and water. Knowledge of Ki,OW gives an indication of the lipophilicity of pharmaceutical

compounds and is useful in predicting the pharmacokinetic properties and toxicity of organic

drug molecules [169–171].

In the following section, we present the calculation of the solid–liquid equilibria (SLE)

of multi-component mixtures using the SAFT-γ Mie approach and demonstrate its proven
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applicability for pharmaceutical systems.

2.2.2.2 Solid–liquid equilibria

The solid–liquid solubility of a compound i (the solute) in a solvent is defined as the maximum

amount of the solid solute that can be dissolved in a given amount of the liquid solvent to form

a homogeneous solution (at a given temperature T, and pressure P). This can be obtained

by solving the solid–liquid equilibrium (SLE) of the system. Prausnitz et al. [25] presented a

thermodynamic framework to solve the SLE of a mixture containing a solute, which is followed

here, starting at the condition of thermodynamic phase equilibrium, i.e., the equality of the

chemical potential of i in the solid (S) and the liquid (L) phases,

µS
i

(
T, P,xS

)
= µL

i

(
T, P,xL

)
, (2.48)

which can equivalently be written in terms of the fugacity of component i fi as

fS
i

(
T, P,xS

)
= fL

i

(
T, P,xL

)
. (2.49)

Here, the solid phase is assumed to consist of pure solute, while the liquid phase is considered

to be a mixture of the solute i and solvent(s). Therefore, Equation (2.49) becomes

fS,∗
i (T, P ) = fL

i

(
T, P,xL

)
, (2.50)

where the asterisk denotes a pure component. We note that the equality of fugacities applies

only to the solute i and not to all the components, as no other components are present in the

solid phase.

The fugacity of i in the liquid phase is given by

fL
i

(
T, P,xL

)
= fL,∗

i (T, P )xL
i γ

L
i

(
T, P,xL

)
, (2.51)
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and therefore,

fS,∗
i (T, P ) = fL,∗

i (T, P )xL
i γ

L
i

(
T, P,xL

)
, (2.52)

where xL
i is the composition of the solute in the liquid phase, γL

i is the corresponding activity

coefficient of i and fL,∗
i is the fugacity of the pure solute in the liquid phase at temperatures T

below the melting point of the solute T fus
i .

Rearranging Equation (2.52) gives:

fL,∗
i (T, P )

fS,∗
i (T, P )

=
1

xL
i γ

L
i (T, P,x

L)
, (2.53)

such that the left-hand side of Equation (2.53) is solely dependent on the properties of the

solute, irrespective of the solvent(s) used, and can be calculated using the thermodynamic

cycle shown in Figure 2.3, assuming a constant pressure P (a valid assumption for solubility

calculations which are usually reported at ambient pressure). In this cycle, the solute in the

solid phase at temperature T is heated to T fus
i (a → b); then the solute melts at T fus

i (b → c);

and finally the liquid solute at T fus
i is cooled down to T (c → d).

Solid Liquid

Operating 
Temperature T

Melting
Temperature Ti

fus

a

b c

d

Figure 2.3: Thermodynamic cycle for the calculation of the fugacity of a pure subcooled liquid
as outlined in Prausnitz et al. [25]

The molar Gibbs free energy of the solute going along the cycle from state a to state d,

∆ga→d, can be related to the ratio of the fugacities of the solute in the liquid and solid phases

(left-hand side of Equation (2.53)) by

∆ga→d = RT ln
fL,∗
i (T, P )

fS,∗
i (T, P )

. (2.54)
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The molar Gibbs free energy is also related to the corresponding changes in molar enthalpy

∆h and molar entropy ∆s, from state a to state d, by

∆ga→d = ∆ha→d − T∆sa→d . (2.55)

The thermodynamic cycle in Figure 2.3 can be used to evaluate ∆h and ∆s along the path

a → d by substituting the alternative path a → b → c → d; which is permissible because

enthalpy and entropy are state functions and are independent of the path. Hence, the change

in molar enthalpy can be written as

∆ha→d = ∆ha→b +∆hb→c +∆hc→d

=

∫ T fus
i

T

cSp,idT
′
+∆hfus

i

(
T fus
i , P

)
+

∫ T

T fus
i

cLp,idT
′

= ∆hfus
i

(
T fus
i , P

)
+

∫ T

T fus
i

∆cp,i

(
T

′
, P
)
dT

′
,

(2.56)

where ∆hfus
i is the molar enthalpy of fusion of the solute at the melting temperature T fus

i , R

is the universal gas constant, and ∆cp,i = cLp,i − cSp,i is the difference between the isobaric heat

capacity of i in the liquid and solid phases, respectively. Similarly, the change in molar entropy

can be expressed as

∆sa→d = ∆sa→b +∆sb→c +∆sc→d

=

∫ T fus
i

T

cSp,i
T

dT
′
+∆sfus

i

(
T fus
i , P

)
+

∫ T

T fus
i

cLp,i
T

dT
′

= ∆sfusi

(
T fus
i , P

)
+

∫ T

T fus
i

∆cp,i
(
T

′
, P
)

T
dT

′
,

(2.57)

where ∆sfusi is the molar entropy of fusion of the solute at the melting temperature T fus
i , which

can be related to ∆hfus
i by ∆sfusi =

∆hfus
i

T fus
i

.

Combining Equations (2.54)–(2.57) with Equation (2.53) leads to the well-known solubility
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equation [25],

lnxL
i (T, P ) =

∆hfus
i

(
T fus
i , P

)
R

(
1

T fus
i

− 1

T

)
+

1

RT

∫ T fus
i

T

∆cp,i(T
′
, P )dT

′

− 1

R

∫ T fus
i

T

∆cp,i(T
′
, P )

T ′ dT
′ − ln γi(T, P,x

L) .

(2.58)

The SAFT-γ Mie GC approach can be used to calculate the activity coefficient γi in Equa-

tion (2.58) at the required T and P for the calculation of the solubility of an API. The remaining

variables in the equation are the melting properties of the drug (∆hfus
i , T fus

i ) and ∆cp,i which

are usually obtained from experimental data. It is noteworthy that the solubility equation is

typically simplified by neglecting the terms which include ∆cp,i, due to the absence of experi-

mental data for this property. It is assumed that the second and third terms on the right hand

side of Equation (2.58) have approximately equal contributions and will cancel out due to their

opposite signs. However, it has been suggested that the contribution of ∆cp,i on the solubility

calculation may not be negligible for some compounds and can introduce large errors to the

calculation if neglected [172–174]. Therefore, in the absence of experimental data for ∆cp,i, the

use of approximations for this property in Equation (2.58) is recommended [172].

Hutacharoen et al. [39, 40], Febra et al. [41] and Wehbe et al. [44] used the SAFT-γ Mie EoS

to predict the solubilities of APIs in various solvents (cf. Table 2.1). The APIs studied include

ibuprofen, ketoprofen, azelaic acid, phenylacetic acid, lovastatin, simvastatin, and mefenamic

acid. These APIs are complex multifunctional compounds, some of which contain multiple

aromatic rings as well as alcohol, ester, amine and acid functional groups. Accurate predictions

of the solubility of these APIs in multiple solvents were obtained using the SAFT-γ Mie GC

approach by modelling the compounds using the appropriate functionality within this GC

framework. In Figure 2.4, an overview of the accuracy of the SAFT-γ Mie solubility calculations

[39–41] compared to experimental data is shown. It is worth mentioning that the majority of the

SAFT-γ Mie solubility calculations in Figure 2.4 correspond to predictions (shown as unfilled

symbols), as the group and group-group interactions that were used to model the APIs within

the SAFT-γ Mie framework were developed using experimental data for other compounds. For

example, a large number of the groups and group-group interactions for mefenamic acid were
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developed using experimental properties of benzoic acid and diphenylamine [41]. It can be seen

in the figure that the SAFT-γ Mie solubility calculations fall within an order of magnitude of the

experimental measurements, with the majority of the calculations falling within less than half

an order of magnitude away from the experimental data. Two exceptions of this behaviour can

be seen in Figure 2.4 corresponding to the solubility of mefenamic acid in 2-methyl-1-propanol

and azelaic acid in water. However, within the context of predictive methods for solubility, the

results shown in the figure can be considered an excellent level of agreement, particularly noting

the ability of the SAFT-γ Mie calculations to capture the very low solubility (xi ≈ 10−5) of

some APIs (bottom left corner in the figure) as well as the significantly higher API solubilities

(xi > 10−1) (top right corner in the figure) of other cases.
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Figure 2.4: Parity plot of the solubility of mefenamic acid (circles), ibuprofen (triangles),
ketoprofen (squares), azelaic acid (diamonds), simvastatin (pentagons), lovastatin (stars) and
phenylacetic acid (oplus) in various solvents calculated with the SAFT-γ Mie group-contribution
approach compared to experimental measurements. The experimental data used in the param-
eter estimation of the SAFT-γ Mie groups are represented by filled symbols and those not used
by unfilled symbols. Thermodynamic conditions are detailed in refs. [39–41, 44]
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2.3 Concluding remarks

The SAFT EoS has received increasing attention in the academic and industrial community

in the last three decades, after the publication of the original papers, due to its successful

application to a wide range of complex fluid systems. This led to the development of various

versions of the SAFT approach over the years. In this chapter we have provided an overview

of homonuclear and heteronuclear SAFT-based GC approaches which have been developed

in recent years, including their application to pharmaceutical systems containing APIs (small

molecules), amino acids and peptides (medium and large molecules).

The detailed theory of the SAFT-γ Mie GC approach which can be used to predict thermo-

dynamic properties of molecular systems and electrolytes is also presented in this chapter. We

demonstrate the methodology for calculating fluid phase equilibria and solid-liquid solubility

using this approach. Additionally, we highlight previous work which shows the applicability

of this GC approach for successfully predicting properties of relevance to pharmaceutical mix-

tures.

The SAFT-γ Mie GC approach is used in the following chapters to predict the phase be-

haviour and solubility of various pharmaceutical mixtures. A framework for predicting the

phase behaviour, solubility and pH-solubility profiles of ionisable monoprotic APIs using the

SAFT-γ Mie GC approach is developed in Chapters 3. The applicability of the GC approach

is extended in Chapter 4 to predict the effect of pH on the solubility of diprotic APIs. In

Chapter 5, we demonstrate the use of the SAFT-γ Mie EoS to model the phase behaviour of

formaldehyde (a common degradation agent produced by some pharmaceutical excipients) in

aqueous and methanolic solutions. A physical approach is used to model the oligomerization

reactions that take place in formaldehyde mixtures, such that, the reaction products are treated

implicitly and are considered to be aggregates of the reactants.



Chapter 3

Phase behaviour and pH-solubility profile

prediction of aqueous buffered solutions of

ibuprofen and ketoprofen

3.1 Introduction

Low water solubility is a common characteristic of many active pharmaceutical ingredients

(APIs) that leads to challenges during drug discovery and process design. A review [175] of the

solubility of the top 200 oral drugs in use in four regions in the world (US, GB, Spain, and Japan)

indicated that around 40% of these are practically insoluble, with aqueous solubilities lower

than 0.1 mgml−1, and approximately 33.3% of newly synthesized medicinal compounds have

a solubility lower than 0.01 mgml−1 in water, according to another study [176]. Furthermore,

the solubility of a drug in water is directly relevant to its bioavailability, as the drug must be

in aqueous solution at the site of absorption in the body [177, 178]. In aiming to increase the

solubility of APIs, a range of techniques are commonly used, including particle-size reduction,

the use of cosolvents, polymorphism and cocrystal formation, the addition of surfactants, and

salt formation [178].

34
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For ionisable APIs, which are in essence weak electrolytes that only partially dissociate in

water, salt formation is the preferred method for solubility enhancement [179–181]. The degree

of ionisation of the molecule in water depends on its dissociation constant (pKa), such that

for weak acids and weak bases, dissociation/ionisation increases at pH values higher and lower

than the pKa, respectively, leading to increased solubility, facilitated by favorable ion–dipole

interactions, and eventual salt formation in most cases.

A number of experimental methods are available for measuring the pH-solubility profile

of APIs [182]. The simplest is perhaps the saturation shake-flask (SSF) method, based on

measuring the solubility of the drug at a single pH at equilibrium (for a given temperature

and pressure) and repeatedly screening different pH solutions. The SSF method was used

by Avdeef et al. [183] to obtain the pH-solubility profiles of twelve API molecules including

ibuprofen (IBP) and ketoprofen (KTP). They reported aqueous solubilities at 298 K for IBP

at pH 2.0, 5.1 and 8.0 of 2.84 ×10−4, 1.39 ×10−3 and 0.24 mol L−1, respectively, and for KTP

at pH 2.5, 4.5 and 7.0 they reported solubilities of 4.22 ×10−4, 1.90 ×10−3 and 0.34 mol L−1,

respectively. Microtitre plate methods are a modification of the SSF method with increased

throughput and reduced API sample size using a robotic liquid dispenser, which have also been

used for pH-solublity measurements of ibuprofen and ketoprofen [184], and have replaced the

SSF method in several pharmaceutical companies [185–189].

More-automated approaches include potentiometric techniques, also known as dissolution

template titration (DTT) methods [190], which use the pKa and the octanol–water partition

coefficient (log KOW) of the API as inputs to estimate the intrinsic solubility (the solubility of

the neutral compound), using the pH electrode as the only detector. The intrinsic solubilities

of IBP and KTP determined by DTT at the same temperature of 298 K were reported by

Avdeef [184] as 2.38 ×10−4 and 4.64 ×10−4 mol L−1, respectively, in good agreement with

solubility measurements using the SSF method. In the DTT method, the entire titration curve

is calculated before the assay begins, such that the optimal amount of API to be used is known

at each pH, which speeds the time required for the measurements and reduces API wastage.

In order to overcome very long equilibration times during solubility measurements of poorly
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soluble APIs, the facilitated dissolution method (FDM) [191] can also be useful. Here, a

small amount of immiscible organic solvent is added to the aqueous solution to facilitate the

dissolution of the API. The method is especially useful for very low solubility measurements

of about 1 ng ml−1 [192]. To use this method for ionizable compounds, such as ibuprofen and

ketoprofen, a suitable buffered solution must be employed, as a poorly buffered (or buffer-free)

solution can affect the pH-dependent reaction equilibria and alter the aqueous solubility of the

API [184].

In summary, these experimental approaches require high precision due to the very low

solubility of most APIs in water, poor wettability, the formation of aggregates, complexes

and micelles, polymorphism, and several other factors [182]. Because of this, experiments can

become time-consuming and costly, with numerous repeated evaluations often required to ensure

reliability. In this context, computer-aided approaches provide an attractive alternative. In

particular, predictive thermodynamic modelling can provide a useful mechanistic understanding

of the solubility process, increasing productivity and reducing risks [5].

There is, however, a lack of previous work targeted at investigating predictive techniques

capable of delivering accurate predictions of the pH-solubility profile of a given API. Empirical

equations expressed in terms of the experimental pKa and the intrinsic solubility of the drug,

known as the Henderson-Hasselbalch (HH) equations [193], are commonly used to determine

the solubility of a drug at a given pH, before salt formation [176, 184]. Bergström et al. [194]

have used the HH equations for the prediction of pH-dependent solubility of multiple drugs

and concluded that these relations provide only rough estimates of the profiles; (the predicted

solubility of the drugs using the HH equations at pH 6.5 was, on average, 10 times greater than

the experimental measurements). The deviations of the HH calculations from experimental

data were expected, as the solubility of the salt cannot be calculated using these equations.

Therefore, the HH equations are more reliably used to provide accurate correlations of known

solubility data, but they are not appropriate to use predictively.

From a molecular-modelling perspective, a key requirement in the development of a model

for the prediction or calculation of the solubility and pH-solubility profiles of ionisable APIs is to
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account for the presence of charged species in solution. Activity-coefficient models are widely

used thermodynamic models for the calculation of thermodynamic properties of electrolyte

solutions, and have been employed in solubility modelling for pharmaceutical applications [195].

However, to our knowledge, the use of activity-coefficient approaches for the calculation of

solubility as a function of pH has been limited to amino acids. These studies include the

works of Figueiredo et al. [196], and of Pinho et al. [29]; in both of these studies, the universal

functional activity-coefficient (UNIFAC) model [18] was combined with the Debye–Hückel [197]

equation to determine the aqueous solubility of a number of amino acids and peptides. In

addition, the non-random two liquid (NRTL) activity-coefficient model [198], was used by

Tseng et al. [199] and by Lee et al. [200] to determine the pH-dependent solubility of several

divalent and trivalent amino acids.

A more relevant study to our current work was presented by Cassens et al. [113], who used

the electrolyte perturbed-chain statistical associating fluid theory (ePC-SAFT) [77] equation

of state (EoS) to describe the pH-solubility profiles of a number of pharmaceutical bases and

the formation of their salts. In their work, the APIs were modeled as weak electrolytes, by

including the experimental pKa value for each base, and the pH of the solution was varied

by explicitly considering HCl (as a strong electrolyte) and H3PO4 (as a weak electrolyte) as

the pH-changing agents. A good description of the calculated solubility as a function of pH

was presented, although experimental data were used to adjust the model parameters for the

uncharged species, the binary interactions for each solution, and the solubility product of the

salts formed.

Here, we use the SAFT-γ Mie group-contribution (GC) EoS [35–38], in which molecules

are modelled as heteronuclear chains formed from fused spherical segments, each representing

the distinct chemical moieties (functional groups) characterising a molecule, to predict the

solubility of ibuprofen and ketoprofen as a function of pH. The SAFT-γ Mie GC approach has

been shown to deliver a high-level of accuracy in the modelling and prediction of a variety

of thermodynamic properties, including the phase equilibria, excess properties of mixing, and

second-derivative properties for a variety of mixtures [35, 36, 39, 148], and recently in the

modelling of the solubility of mefenamic acid [41] (a non-steroidal anti-inflammatory drug). Of
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special relevance here is previous work [39] in which accurate predictions of the liquid–liquid

equilibria (LLE), vapor–liquid equilibria (VLE) and vapor–liquid–liquid equilibria (VLLE) of

aqueous mixtures of n-alkanes and 1-alcohols were presented; accurate predictions were also

made of the solid–liquid equilibria (SLE) of several APIs in different solvents, including aqueous

solutions of ibuprofen and ketoprofen. We proceed in our current work to provide a prediction

of the complete phase behaviour (VLE, LLE, and SLE) of these solutions and extend the

thermodynamic modelling to predict the pH-dependent solubility of a range of ibuprofen and

ketoprofen salts in various buffer solutions.

The SAFT EoS for variable range interactions with a Mie form (SAFT-VR Mie) [146] was

extended to treat electrolyte solutions by including Coulombic and Born [154] contributions

in previous work [150]. It was shown that only one unlike ion–solvent adjustable parameter is

needed per ion–solvent pair in order to obtain an accurate description of a wide range of ther-

mophysical properties of aqueous solutions of strong electrolytes [150], including the density,

vapour pressure, osmotic coefficient, mean ionic activity coefficient, and the Gibbs free energy

of solvation of the ions. A similar framework can be applied with the SAFT-γ Mie GC ap-

proach, accounting for the appropriate ionic free-energy contributions in a group-contribution

framework [42, 43, 149]. The approach has been used in a study of complex ionic mixtures

of choline and geranate (CAGE), a deep-eutectic-solvent mixture of therapeutic interest, in

which predictions of osmotic coefficient data in very good agreement with experiment were pre-

sented [42, 43]. Recently, the same approach has been used to model a range of weak acids [201],

combining chemical and phase equilibria in the model to deliver accurate predictions of the pH

of saturated solutions of CO2 as well as of the speciation of the aqueous solutions.

In this chapter, we extend the application of the SAFT-γ Mie GC approach to model the

pH-solubility profile of aqueous solutions of ibuprofen and ketoprofen for a range of buffers.

In particular, we use the approach to capture the complex speciation phenomena that take

place under changing pH conditions, including the variation of the acidic buffering agents and

counter ions (basic buffering agents ). In the following section we present the thermodynamic

framework. The development of models within the SAFT-γ Mie GC approach relevant to the

aqueous solutions of APIs is provided in Section 3.3. We demonstrate the capability of the
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approach in delivering accurate predictions of the phase diagrams and pH-solubility profiles of

the APIs in Section 3.4, including a discussion on the effect of varying the temperature and

counter ions in these solutions. Final remarks are provided in Section 3.5.

3.2 Thermodynamic modelling of pH-dependent solubility

The solid–liquid solubility of a compound (the solute) in a solvent is defined as the maximum

amount of the solid solute that can be dissolved in a given amount of the liquid solvent to form

a homogeneous solution (at a given temperature T, and pressure P). In the case of ionisable

solutes, the solute may dissociate into the corresponding ionic species in the liquid phase.

Moreover, the term "solubility" refers to the sum of the concentrations of the charged and

uncharged forms of the API in a saturated solution, while "intrinsic solubility" refers to the

concentration of only the neutral solute in a saturated solution [176].

For the purpose of the current chapter, the discussion is focused on a weakly acidic mono-

protic API (labelled HA), which dissociates in water as

HA+H2O
Ka,HA−−−⇀↽−−− A− +H3O

+. (3.1)

The equilibrium between the molecular (neutral) API (HA), in the solid and liquid phases is

shown in Figure 3.1 (a), together with the dissociation that takes place in the liquid phase

to give rise to the anionic form A− and formation of hydronium H3O
+ cations as determined

by the value of the relevant thermodynamic equilibrium constant, Ka,HA. We also account for

the dissociation of water into hydronium H3O
+ and hydroxide OH− ions, as given by the ionic

product of water KW. In addition, a strong acid HX and strong base BνBOHνOH
(where νi,

i ={B,OH} is the stoichiometric coefficient) are used to buffer the solution, and are modelled

as fully dissociated into their respective ions; thus species X− and Bz+B (where z+B is the charge

number of B) are also present in the solution.

A schematic pH-solubility profile of a weak monoprotic acid is shown in Figure 3.1 (b). At
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low pH, the solubility of the API corresponds to its intrinsic solubility (as no dissociation of

HA occurs). As the pH increases with the addition of the counter ion (Bz+B ), the solubility

increases due to the rise in the concentration of A− in solution. At high pH, a salt AνABνB

forms and eventually precipitates as the solubility limit of the salt, Ksp,AνA
BνB

, is reached. The

pH value at the intersection between the solubility curves of the API and the salt determines

the pHmax, beyond which no further increase in solubility is possible. The value of pHmax

also plays an important role in identifying the tendency for salt disproportionation [202] (the

conversion of the salt to its free ions), a particularly undesirable process in pharmaceutical

applications [203, 204] as it signals a decrease in solubility.

(a)

(b)
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Figure 3.1: Schematic representation of the equilibria and speciation considered to model the
pH-solubility profile of a weakly monoprotic acidic API (HA here) and its salt AνABνB . (a) The
three equilibria taking place before salt formation: the solid–liquid equilibrium of the neutral
API, HA; the dissociation of HA in the liquid phase into its ionised form, A−, regulated by the
thermodynamic equilibrium constant Ka,HA, and the dissociation of water given by the ionic
product of water Kw. HX and BνBOHνOH

are the strong acid and base buffers modelled as fully
dissociated into X− and H3O

+, and BzB+ and OH− ions, respectively. The solid phase consists
of pure neutral HA. (b) The pH-solubility profile including the solubility of the free form of
the API (black) and its salt AνABνB (red) intersecting at pHmax. The blue regions are shown
to indicate the components present in the liquid phase in the two regions of the plot.

3.2.1 Intrinsic solubility of HA

At a specified P and T the solid–liquid intrinsic solubility of the neutral API (here HA) can be

calculated using the condition for phase equilibrium (the equality of the chemical potential of

the API in the liquid and in the solid phase), assuming the solid phase to be pure HA, which
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leads to the well-known solubility equation [25]:

lnxL
HA (T, P ) =

∆hfus
HA

(
T fus
HA, P

)
R

(
1

T fus
HA

− 1

T

)
+

1

RT

∫ T fus
HA

T

∆cp,HA(T
′
, P )dT

′

− 1

R

∫ T fus
HA

T

∆cp,HA(T
′
, P )

T ′ dT
′ − ln γHA(T, P,x

L) ,

(3.2)

where xL is the composition vector of the liquid phase containing the solvent, buffer ions, and

API (in molecular and dissociated form). ∆hfus
HA is the molar enthalpy of fusion of the API

at the melting temperature T fus
HA, R is the universal gas constant, ∆cp,HA = cLp,HA − cSp,HA is

the difference between the isobaric heat capacity of the API in the liquid and solid phases,

respectively, and γHA is the symmetric activity coefficient of HA in the liquid phase at the

given T and P , calculated as

γHA

(
T, P,xL

)
=

φ̂HA(T, P,x
L)

φ∗
HA(T, P )

, (3.3)

where φ̂HA is the fugacity coefficient of HA in the mixture, and φ∗
HA the fugacity coefficient of

pure HA at the same T and P .

3.2.2 Solubility at pH < pHmax

In solution, at pH below pHmax the API dissociates following Reaction (3.1). The Gibbs free

energy change ∆RG for this reaction is given by

∆RG(T, P,x) =
N∑
i=1

νiµi = 0 , (3.4)

where the summation is over the relevant species in the equilibrium, HA,H2O,A−, and H3O
+

here, and µi and νi are the chemical potential and stoichiometric coefficient of species i, respec-

tively, such that,

∆RG(T, P,x) = µA− + µH3O+ − µHA − µH2O = 0 . (3.5)

The chemical potential of i can be written as the sum of the chemical potential at a reference
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state µ◦
i and a term capturing the properties of the real solution; i.e.,

µi(T, P,x) = µ◦
i +RT ln ai(T, P,x) , (3.6)

where ai is the activity of i. Inserting the normalization of Equation (3.6) in (3.5) leads to

exp

(
−
µ◦
A− + µ◦

H3O+ − µ◦
HA − µ◦

H2O

RT

)
=

aA− aH3O
+

aHA aH2O

. (3.7)

The left-hand side of this equation corresponds to the thermodynamic equilibrium constant

Ka [168]. Here,

Ka,HA = exp

(
−
µ◦
A− + µ◦

H3O+ − µ◦
HA − µ◦

H2O

RT

)
, (3.8)

and therefore,

Ka,HA ≡ aA− aH3O
+

aHA aH2O

. (3.9)

In our model, we adopt the reference state for the chemical potential of the ion to be an infinitely

dilute solution in water so that,

ai = xiγ̃i = xi
γi
γ∞
i

, (3.10)

where γ̃i is the asymmetric activity coefficient of i and γ∞
i the symmetric activity coefficient

(of i) at infinite dilution.

The dissociation constant Ka is often reported as the negative logarithm in base 10, pKa [205].

Furthermore, in most experimental studies, the standard state considered for the determination

of the pKa is a concentrated solution of a strong inert electrolyte, usually a 0.15 M KCl or NaCl

solution, referred to as a constant ionic medium [182]. The acid of interest is considered to be

very dilute in the reference solution, such that its activity coefficient is usually assumed to be

close to one, and the dissociation constant is reported as a ratio of concentrations instead of

activities [117].

Here, we use the expression of the (true) thermodynamic equilibrium constant in molal

units Km
a,HA = Ka,HAaH2O, noting that the molal- and molarity-based constants can be treated

as identical for very dilute aqueous solutions (where the density of the solution can be assumed
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to be equal to that of pure water), so that:

Km
a,HA =

(
mA− mH3O

+

mHA

)(
γ̃m,A− γ̃m,H3O

+

γ̃m,HA

)
, (3.11)

where mi is the molality of i and γ̃m,i is the molal asymmetric activity coefficient calculated as

γ̃m,i = xH2Oγ̃i . (3.12)

Within this framework pKa is calculated as

pKa = −log10(K
m
a,HA) . (3.13)

In order to increase the pH of a solution containing an acidic compound to promote its

dissociation, a base is added as a buffer and a source of counter ions (cf. Figure 3.1 (b)). If

the source of counter ions is a weak base B, the ionisation of the base in aqueous solution takes

place according to

BH+ +H2O ⇀↽ B + H3O
+ , (3.14)

where BH+ is the ionised form of the base and the counter ion in the solution, and the corre-

sponding molal-based thermodynamic equilibrium constant of this dissociation Km
a,BH+ is also

given by Equation (3.11), but with the relevant species of Equation (3.14). In the case that a

strong base BνBOHνOH
is used as the source of counter ions, complete dissociation is assumed,

i.e.,

BνBOHνOH
→ νBB

zB+ + νOHOH− , (3.15)

where BzB+ is the counter ion in the model. The choice of counter ion depends on which base

would shift the pH of the solution more effectively to promote salt formation with the associated

increase in the solubility of the API [181].

Conversely, in order to decrease the pH of the solution below the pKa, an acidic buffer (HX)
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must be used:

HX+H2O
Ka,HX−−−⇀↽−−− H3O

+ +X− . (3.16)

The corresponding Km
a,HX is calculated from Equation (3.11) with the appropriate species. As

with the case of the base, if a strong acid buffer is used, it is modelled as a fully dissociated

strong electrolyte.

In addition, the dissociation of water,

2H2O ⇀↽ H3O
+ +OH− , (3.17)

is also treated in our model, with the corresponding molal thermodynamic ionic product Kw

calculated as

KW = (mH3O
+mOH−)(γ̃m,H3O

+ γ̃m,OH−), (3.18)

which is more commonly reported in terms of pKW:

pKW = −log10(KW) . (3.19)

The solubility of the API, SAPI, is given as the sum of the intrinsic solubility and the

concentration of ionised API, often reported in molarity units (moles/volume), so that,

SAPI = ρMw (mHA +mA−) , (3.20)

where ρ is the molar density of the solution and MW is the molecular mass of water.

3.2.3 Salt formation: solubility at pH > pHmax

The API salt (AνABνB) begins to precipitate when its solubility product (Ksp,AνA
BνB

) is reached.

Assuming that the salt dissociates in solution into its constituent solvated ions:

AνABνB (s)

Ksp,AνA
BνB−−−−−−−⇀↽−−−−−−− νAA

zA−
(aq) + νBB

zB+
(aq) (3.21)
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the solubility product is given by [25, 181]

Ksp,AνA
BνB

= m
(νA+νB)
AνA

BνB
γ
(νA+νB)
m,±

ννA
A ννB

B

m◦(νA+νB)
, (3.22)

where, mAνA
BνB

is the solubility limit of the salt, m◦ is the standard-state molality of 1mol kg−1,

and

γ̃m,± =
(
γ̃ νA
m,A γ̃ νB

m,B

)1/(νA+νB) (3.23)

is the mean ionic activity coefficient (MIAC) in terms of the molal asymmetric activity coeffi-

cient of the ions.

The corresponding pH at which the salt starts to precipitate (the pH corresponding to the

Ksp,AνA
BνB

) is often labelled as pHmax (see Figure 3.1 (b)). At this point the ionised API (A−)

and counter-ion (Bz+) concentrations are balanced. Any further addition of counter ions to

increase the pH, leads to an excess of these ions, and to a drop in the solubility of the salt,

(cf. Equations (3.22) and (3.24)); this is known as the common-ion effect. A more detailed

discussion on the common-ion effect can be found in ref. [176]. The value of pHmax value

is therefore expected to be a point of maximum solubility in the pH-solubility profile of a

monoprotic API.

In this regime, the reported solubility, SAPI, accounts only for the ionised form of the API

and is given by

SAPI = ρMWmA− . (3.24)

3.2.4 pH-solubility profile

In order to compute the solubility-pH profile of weakly acidic APIs, we use experimental values

for the relevant equilibrium constants, Km
a,HA, Kw, and Ksp,AνA

BνB
, obtained from the litera-

ture [183, 184], and the SAFT-γ Mie GC EoS for the calculation of the activity coefficients and

the density of the solution.

For a given temperature and pressure, the mole fraction of uncharged API in the liquid
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phase xL
HA is obtained using Equation (3.2). Note that this quantity is directly related to

mHA. To change the pH of the solution a buffering agent is added. If a weak acid HX is used

to lower the pH, Equation (3.2), with Km
a,HA, Km

a,HX and Kw, in addition to the condition of

electroneutrality given by
N∑
i=1

qimi = 0 , (3.25)

where qi is the charge of species i and N is the total number of species in the system, are solved

to obtain the concentrations of each of the species in the solution (in this case H2O, H3O+, OH−,

HX, X−, HA and A−), at pH<pHmax. If a weak base B is used to increase the pH of the solution

and as a source of counter ions, Equation (3.2), with Km
a,HA, Km

a,BH+ , Kw, and the condition

of electroneutrality, are solved to obtain the concentrations of the corresponding species in the

solution (in this case H2O, H3O+, OH−, BH+, B, HA and A−), at pH<pHmax. However, if a

strong acid or base is used to change the pH of the solution, each of which is modelled as a

strong electrolyte, only Km
a,HA and Kw are solved, together with Equations (3.2) and (3.25) to

obtain the concentrations of each of the species in the solution (in this case H2O, H3O+, OH−,

HA, A−, and BH+ or X−), at pH<pHmax . The pH of the solution can be calculated from the

corresponding hydronium-ion activity as [205]

pH = −log10(aH3O+) . (3.26)

As the pH changes, the solubility product of AνABνB is calculated (using Equation 3.22)

to identify when the salt is formed and precipitated. During this process, the solubility of the

API or the salt is calculated using either Equation (3.20) or (3.24) depending on which solid

is precipitating, i.e., Equation (3.20) is used for a pH below the point at which Kcalc
sp,AνA

BνB
=

Kexp
sp,AνA

BνB
and Equation (3.24) is used for a pH above this point.
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3.3 SAFT-γ Mie theory and model development

3.3.1 Equation of state

In the SAFT-γ Mie [35–38] GC EoS, molecules are modelled as heteronuclear chains of fused

spherical segments, which represent the functional groups that make up the molecule. The

segments interact via Mie potentials of variable range, with association sites embedded in the

groups/segments, if necessary, to account for short-range directional forces. A brief overview

of the theory is provided here; the reader is referred to Chapter 2 (Section 2.2) and the original

publications [35–38, 149, 150] for further details.

The Helmoholtz free energy A of a mixture is written as a sum of terms, based on a

perturbation approach:

A = AIdeal + AMono + AChain + AAssoc + AIon + ABorn , (3.27)

where AIdeal corresponds to the ideal-gas free energy, AMono accounts for the interaction of

monomeric segments through Mie potentials, AChain is the contribution to the free energy due

to the formation of chains of molecules from the fused Mie segments, and AAssoc accounts for

molecular association through short-range directional interactions. These first four terms de-

scribe the non-electrolyte contributions [35–38]. The presence of charged species is accounted

for in the last two terms [149, 150], which are developed within a primitive-model formal-

ism, with the electrostatic nature of the solvent described implicitly with a uniform dielectric

medium. The AIon term represents the Coulombic ion–ion interactions, obtained using the

primitive unrestricted Mean Spherical Approximation (MSA) [152, 153] model, and the ABorn

term accounts for the ion–solvent electrostatic interactions following the Born [154] model.
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3.3.2 Phase-equilibrium calculations

The Helmholtz free energy of a fluid mixture is given as a function of temperature, volume

V , and the vector of moles N of i components. Knowledge of the pressure, chemical poten-

tial and fugacity coefficient of a given component i, allows for the calculation of fluid-phase

behaviour and solution properties. These can be obtained from the Helmholtz free energy

following standard thermodynamic relations [168], as given by Equations (2.44), (2.45), and

(2.46), respectively.

3.3.3 Model development

In order to model the phase behaviour and pH-solubility profile of ibuprofen and ketoprofen

using the SAFT-γ Mie GC approach, it is necessary to characterize the individual group pa-

rameters of all the compounds involved. The groups required to model these APIs are shown in

Figure 3.2. These are: (3 × CH3, 4 × aCH, 1 × aCCH, 1 × aCCH2, 1 × CH, 1 × COOH ) for

molecular ibuprofen; replacing the COOH group in the latter by COO− for ionised ibuprofen;

(1 × CH3, 9 × aCH, 1 × aCCH, 1 × aCCOaC, 1 × COOH ) for molecular ketoprofen, with

the additional COO− group for ionised ketoprofen. For both APIs, the solvent considered is

water (1 × H2O) and the dissociation of the acid produces a hydronium ion (1 × H3O
+) and

a hydroxyl ion (1 × OH−).

The pH of the solutions is varied by adding acidic and basic buffers. In particular, acetate

buffer is used to control the pH in the range of 4.0 – 4.6 [206], and is accounted for by adding

acetic acid (which is a weak acid, pKa = 4.74) in the molecular (1 × CH3, 1 × COOH) and

ionised (1 × CH3, 1 × COO−) forms, in addition to fully dissociated sodium acetate (1 × Na+,

1 × CH3, 1 × COO−), similar to the experimental buffer preparation [207]. A different acidic

buffering agent, HCl (a strong acid), is used in the range of pH 2.0 – 5.0, and is modelled as

fully dissociated into its respective ions: H3O
+ and Cl−.

Various strong basic buffering agents are used as the source of monovalent and divalent
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(a) (b)

Figure 3.2: Chemical structures of the species considered in the solutions, including buffers,
together with their corresponding SAFT-γ Mie representation. Each of the coloured spheres
corresponds to a different group, and the same group is represented in the same colour, for
aqueous buffered solutions of (a) ibuprofen and (b) ketoprofen. The color code for the groups
is: purple for CH3, turquoise for CH2, navy blue for aCH, orange for CH, dark green for aCCH2,
red for aCCH, yellow for COOH, maroon for NH+

3 , light blue for NH2, magenta for H2O, cyan
for COO−, lime for H3O+, mint green for aCCOaC, light brown for Rb+, brown for Cl−, light
pink for OH−, grey for Na+, light green for Mg2+, pink for Ca2+, violet for K+ and lilac for
Li+.

counter ions in the solutions (pH 5.0 – 12.0), specifically: NaOH, KOH, LiOH, RbOH, Ca(OH)2,

and Mg(OH)2, which are also modelled as fully dissociated into OH− and Na+, K+, Li+, Rb+,

Ca2+, and Mg2+ ions, respectively. Weak bases including n-hexylamine (pKa = 10.64 [208]; 1

× CH3, 5 × CH2, 1 × NH2), n-octylamine (pKa = 10.65 [209]; 1 × CH3, 7 × CH2, 1 × NH2),

benzylamine (pKa = 9.33 [210]; 5 × aCH, 1 × aCCH2, 1 × NH2), and tert-butylamine (pKa

= 10.68 [209]; 3 × CH3, 1 × C, 1 × NH2), are also used as basic buffering agents and a source

of counter ions (ionised amine) in the solution. The corresponding ionised amines are modeled

using the same groups as the molecular amines replacing NH2 with NH+
3 .

In the SAFT-γ Mie approach, as discussed in Section 2.2, a group k is characterised by a

number ν∗
k of identical spherical segments, a shape factor Sk, the segment energy of interaction

εkk, the segment diameter σkk, the exponents of the Mie potential λr
kk and λa

kk and, where

relevant, the parameters describing any site-site association interactions, εHB
kk,ab, Kkk,ab, nk,a,

nk,b, . . ., nk,NST,k
.

Charged groups are subject to additional (Coulombic) interactions. Each charged group is
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assigned a central point charge and an additional parameter σBorn
kk is used in the Born term

(ABorn) in order to allow for a more-accurate solvation free energy of the ions. The relative

static permittivity model for the dielectric medium presented by Schreckenberg et al. [151] is

used to replace the explicit representation of the polarity of the solvent. Careful implementation

of these ionic contributions is necessary, as slight modifications led to changes in the MIAC and

osmotic coefficient calculations in our previous work [42, 43].

In Table 3.1 the SAFT-γ Mie group matrix relevant to the systems of interest here including

the APIs, solvent, and buffers is presented. Like and unlike group interactions are obtained

from previous work where applicable [35–37, 40, 42, 43, 150, 166, 167]. In this chapter we

expand the matrix of groups by estimating unlike interaction parameters between the ionised

amine group NH+
3 and water, as discussed in the following section.

Combining rules are sometimes used to estimate unlike group interactions, assuming that

the like group parameters are known, as outlined in Section 2.2.1.7 (cf. Equations (2.35)–

(2.39) for the combining rules used in this chapter). Additionally, for the case of interactions

involving charged groups, the dispersion energy εkl between like or unlike ions is calculated using

combining rules based on the work of Hudson and McCoubrey [165] (cf. Equation (2.40)). The

polarisabilities and ionisation potentials for the ions used in the current model can be found in

Table 3.2. The molecular charged groups COO− and NH+
3 are found in weak acids and bases

we consider. Following the methodology of Di Lecce et al. [42, 43], unlike dispersion energy

parameters for these groups with uncharged, non-aromatic groups are given the same values as

the analogue unlike interactions with the uncharged groups taking COOH in place of COO−,

and NH2 in place of NH+
3 .

The COO−, H3O
+, OH−, and NH+

3 ionic groups also require association interaction param-

eters (see Tables 3.1 and 3.3). For these groups, we follow a similar methodology to that

adopted by Eriksen et al. [150], in which the association parameters of the ions are related to

their closest uncharged group: H2O for OH− and H3O
+, COOH for COO−, and NH2 for NH+

3 .

We demonstrate this by considering the example of association between the e1 site on the aCH

group and sites of type H on H3O
+. The bonding volume, Ke1−H, aCH−H3O+ is scaled by the
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Table 3.1: Group interactions required to model ibuprofen and ketoprofen in aqueous buffered
solutions with the SAFT-γ Mie GC approach. Purple cells indicate interactions obtained in
this chapter, blue cells interactions from previous work [35–37, 40, 42, 43, 150, 166, 167], white
cells indicate interactions that are not needed in the current work, and grey cells indicate
interactions calculated using the combining rules of Equations (2.36) and (2.40) for uncharged
and charged groups, respectively.

  1                       

1 H2O 2                  

2 CH3 3                     

3 CH2 4                

4 aCH 5                   

5 aCCH 6              

6 aCCH2 7              

7 CH 8            

8 COOH 9               

9 aCCOaC 10              

10 C 11             

11 NH2
12            

12 COO� 13           

13 NH3
+ 14          

14 H3O
+ 15         

15 OH� 16        

16 Na+ 17       

17 K+ 18      

18 Li+ 19     

19 Rb+ 20    

20 Ca2+ 21   

21 Mg2+ 22  

22 Cl� 23

23 Br�

Published

Current work

Combining rules

Not needed

corresponding unlike segment diameter, σaCH−H3O+ (as obtained from Equation (2.35)), such

that
Ke1−H, aCH−H3O+

(σaCH−H3O+)3
=

Ke1−H, aCH−H2O

(σaCH−H2O)
3 , (3.28)

and the association energy, εHB
e1−H, aCH−H3O+ is then scaled by the resulting bonding volume as

εHB
e1−H, aCH−H3O+

Ke1−H, aCH−H3O+

=
εHB
e1−H, aCH−H2O

Ke1−H, aCH−H2O

. (3.29)
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Table 3.2: Values for the polarisabilities α0,k, and ionisation potentials Ik of the charged species
k, taken from the references shown in the last row.

k H3O
+ Na+ OH− Cl− COO− NH+

3

α0,k/ (10
−24 cm3) 0.93300 0.17900 2.5200 3.6600 4.2042 1.3890

Ik/eV 14.230 47.286 1.8300 3.6127 3.4700 10.160
ref [211, 212] [209] [211, 212] [209] [213, 214] [215–218]

Two exceptions to this methodology are however made. Firstly, in the case of the interaction

between e1 sites of COO− and sites of type H of the H3O
+ group, the unlike association energy

and bonding volume are scaled using the e1 – H interaction of the COO− and H2O groups,

respectively, from the work of Di Lecce et al. [42, 43]. In the second exception, the association

energy and bonding volume between sites of type H on NH+
3 and e1 sites on OH−, are scaled

using the association parameters between the H sites on NH+
3 and the e1 sites on H2O obtained

in the current chapter.

When the use of these combining and scaling rules do not lead to an accurate representation

of the thermodynamic properties (or phase behaviour) of the systems of interest, the group pa-

rameters are refined further using experimental data as part of a parameter-estimation strategy,

as discussed in the following section. The complete set of SAFT-γ Mie group parameters used

in this chapter can be found in Tables 3.3, 3.4 and 3.5.
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Table 3.3: SAFT-γ Mie like group parameters: ν∗
k is the number of segments in group k; Sk

and σkk are the shape factor and diameter of the segments in the group, respectively; σBorn
kk the

Born diameter used for charged groups; λr
kk and λa

kk are the repulsive and attractive exponents
of the Mie potential, respectively; εkk is the dispersion energy between two k groups; NST,k

is the number of association site types on group k, with nH,k, ne1,k and ne2,k representing the
number of association sites of type H, e1 and e2, respectively. † indicates parameters obtained
in the current work.

Group k ν∗
k Sk σkk/Å σBorn

kk /Å λr
kk λa

kk (εkk/kB)/K NST,k nH,k ne1,k ne2,k ref
H2O 1 1.0000 3.0063 - 17.020 6.0000 266.68 2 2 2 - [37, 38]
CH3 1 0.57260 4.0772 - 15.050 6.0000 256.77 - - - - [35]
CH2 1 0.22930 4.8801 - 19.871 6.0000 473.39 - - - - [35]
aCH 1 0.32180 4.0578 - 14.756 6.0000 371.53 1 - 1 - [36]
aCCH 1 0.20650 4.3128 - 8.0000 6.0000 61.325 1 - 1 - [36]
aCCH2 1 0.20860 5.2648 - 8.5433 6.0000 591.56 1 - 1 - [36]
CH 1 0.072100 5.2950 - 8.0000 6.0000 95.621 - - - - [36]
COOH 1 0.55590 4.3331 - 8.0000 6.0000 405.78 3 1 2 2 [36]
aCCOaC 3 0.18090 4.0670 - 9.8317 6.0000 656.71 - - - - [39]
C 1 0.040700 5.6571 - 8.0000 6.0000 50.020 - - - - [36]
NH2 1 0.79680 3.2477 - 10.254 6.0000 284.78 2 2 1 - [167]
COO− 1 0.55590 4.3331 4.6364 8.0000 6.0000 21.264 1 - 4 - [42, 43]
NH+

3 1 0.79680 3.2477 3.4750 10.254 6.0000 48.295 1 3 - - †
H3O+ 1 1.0000 3.0063 3.0063 17.020 6.0000 68.190 1 3 - - [150]
OH− 1 1.0000 2.4600 3.0063 17.020 6.0000 170.24 1 - 3 - [150]
Na+ 1 1.0000 2.3200 3.3600 12.000 6.0000 31.711 - - - - [150]
K+ 1 1.0000 3.0400 4.3440 12.000 6.0000 90.097 - - - - [150]
Li+ 1 1.0000 1.8000 2.6320 12.000 6.0000 6.1039 - - - - [150]
Rb+ 1 1.0000 3.3200 4.6220 12.000 6.0000 130.35 - - - - [150]
Ca2+ 1 1.0000 2.2800 3.7240 12.000 6.0000 261.28 - - - - [150]
Mg2+ 1 1.0000 1.7200 2.9100 12.000 6.0000 89.264 - - - - [150]
Cl− 1 1.0000 3.3400 3.8740 12.000 6.0000 113.77 - - - - [150]
Br− 1 1.0000 3.6400 4.1740 12.000 6.0000 107.38 - - - - [150]
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Table 3.4: Group dispersion interaction energies εkl and repulsive exponent λr
kl for use with

the SAFT-γ Mie Equation of state. The unlike segment diameters σkl are calculated using the
combining rule in Equation (2.35). CR indicates that combining rules are used to obtain εkl
and/or λr

kl using Equations (2.36) and/or (2.37), respectively. † indicates parameters obtained
in the current work.

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

H2O H2O 266.68 17.020 [37, 38] CH CH 95.621 8.0000 [36]

H2O CH3 358.18 100.00 [39] CH COOH 504.99 CR [36]

H2O CH2 423.63 100.00 [39] CH C 2.0000 CR [40]

H2O aCH 357.78 38.640 [36] CH COO− 504.99 CR †

H2O aCCH 314.03 CR [40] CH NH+
3 151.01 CR †

H2O aCCH2 329.03 CR [40] COOH COOH 405.78 8.0000 [36]

H2O CH 275.75 CR [40] COOH NH2 CR CR †

H2O COOH 289.76 CR [39] COOH COO− 405.78 8.0000 [42, 43]

H2O C 420.82 CR [40] COOH OH− CR CR †

H2O NH2 358.55 CR [167] COOH H3O+ CR CR †

H2O COO− 171.61 CR [42, 43] aCCOaC aCCOaC 656.71 9.8317 [39]

H2O NH+
3 450.21 CR † C C 50.020 8.0000 [36]

H2O H3O+ 391.04 CR [150] C NH+
3 106.49 CR †

H2O OH− 134.41 CR [150] NH2 NH2 284.78 10.254 [167]

H2O Na+ 539.68 CR [150] NH2 NH+
3 284.78 CR †

H2O K+ 376.25 CR [150] NH2 H3O+ CR CR †

H2O Li+ 1023.1 CR [150] NH2 OH− CR CR †

H2O Rb+ 354.23 CR [150] COO− COO− 21.264 8.0000 [42, 43]

H2O Ca2+ 1460.8 CR [150] COO− NH+
3 26.327 CR †

H2O Mg2+ 2235.1 CR [150] COO− H3O+ 27.740 CR †

H2O Cl− 95.406 CR [150] COO− OH− 44.520 CR †

H2O Br− 112.01 CR [150] COO− Na+ 9.9125 CR [42, 43]

CH3 CH3 256.77 15.050 [35] COO− K+ 23.999 CR [42, 43]

CH3 CH2 350.77 CR [35] COO− Li+ 2.6855 CR †

CH3 aCH 305.81 CR [36] COO− Rb+ 31.864 CR †
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Table 3.4 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

CH3 aCCH 455.85 CR [36] COO− Ca2+ 27.115 CR †

CH3 aCCH2 396.91 CR [36] COO− Mg2+ 9.4414 CR †

CH3 CH 387.48 CR [36] COO− Cl− 21.265 CR [42, 43]

CH3 COOH 255.99 CR [36] NH+
3 NH+

3 48.295 10.254 †

CH3 C 339.91 CR [36] NH+
3 H3O+ 56.951 CR †

CH3 NH2 244.15 CR [167] NH+
3 OH− 62.231 CR †

CH3 COO− 255.99 CR [42, 43] NH+
3 Cl− 65.249 CR †

CH3 NH+
3 244.15 CR † NH+

3 Br− 61.726 CR †

CH2 CH2 473.39 19.871 [35] H3O+ H3O+ 68.190 17.020 [150]

CH2 aCH 415.64 CR [36] H3O+ OH− 66.439 CR [150]

CH2 aCCH 345.80 CR [36] H3O+ Na+ 37.479 CR †

CH2 aCCH2 454.16 CR [36] H3O+ K+ 72.869 CR †

CH2 CH 506.21 CR [36] H3O+ Li+ 12.314 CR †

CH2 COOH 413.74 CR [36] H3O+ Rb+ 89.271 CR †

CH2 C 300.07 CR [36] H3O+ Ca2+ 104.69 CR †

CH2 NH2 348.39 CR [167] H3O+ Mg2+ 44.541 CR †

CH2 COO− 413.74 CR [42, 43] H3O+ Cl− 70.552 CR [150]

CH2 NH+
3 348.39 CR † OH− OH− 170.24 17.020 [150]

aCH aCH 371.53 14.756 [36] OH− Na+ 27.898 CR [150]

aCH aCCH 429.16 CR [36] OH− K+ 54.733 CR [150]

aCH aCCH2 416.69 CR [36] OH− Li+ 9.1482 CR [150]

aCH CH 441.43 CR [36] OH− Rb+ 67.944 CR [150]

aCH COOH 331.61 9.0687 [36] OH− Ca2+ 77.245 CR [150]

aCH H3O+ CR CR † OH− Mg2+ 33.269 CR [150]

aCCH aCCH 61.325 8.0000 [36] OH− Cl− 123.21 CR †

aCCH aCCH2 462.04 CR [36] Na+ Na+ 31.711 12.000 [150]

aCCH CH 67.510 CR [36] K+ K+ 90.097 12.000 [150]

aCCH COOH 599.28 CR [36] Li+ Li+ 6.1039 12.000 [150]

aCCH H3O+ CR CR † Rb+ Rb+ 130.35 12.000 [150]
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Table 3.4 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

aCCH2 aCCH2 591.56 8.5433 [36] Ca2+ Ca2+ 261.28 12.000 [150]

aCCH2 CH 65.410 CR [36] Mg2+ Mg2+ 89.264 12.000 [150]

aCCH2 COOH 473.66 CR [36] Cl− Cl− 113.77 12.000 [150]

aCCH2 H3O+ CR CR † Br− Br− 107.38 12.000 [150]

3.3.4 NH+
3 – NH+

3 and NH+
3 –H2O interactions

A SAFT-γ Mie model for the NH+
3 group is developed here based on the uncharged amine

group (NH2) characterised in previous work [167]. Assuming that the overall shape of the NH2

group does not change considerably on gaining a proton, the number of spherical segments ν∗
k ,

shape factor Sk, segment diameter σkk, attractive and repulsive exponents of the Mie potential

λa
kk and λr

kk, respectively, of the NH2 group are used to model NH+
3 , with the addition of

a positive point-charge to the group (zk = +1). In order to calculate the Born diameter

σBorn
NH+

3 −NH+
3

, we follow the proposition of Rashin and Honig [219] of a 7% increase in the bare

diameter to correct for the non-sphericity of the ion: σBorn
NH+

3 −NH+
3

= 1.07σNH+
3 −NH+

3
. The like

dispersion energy between NH+
3 groups εNH+

3 −NH+
3

is calculated using Equation (2.37) with the

polarisability α0,NH+
3

[215] and ionisation potential INH+
3

[216–218] reported in Table 3.2. Based

on quantum-mechanical calculations by Aue et al. [220] we assign three H proton-donor sites

to the NH+
3 group corresponding to each of the hydrogen atoms, but no e-type acceptor site is

included. Thus, self association between NH+
3 ions is not considered.

In order to characterise the unlike dispersion and association interaction between NH+
3 and

H2O groups, a parameter-estimation procedure is implemented, using experimental data of

systems containing the groups of interest. More details on the parameter-estimation strategy

used in the SAFT-γ Mie GC approach can be found elsewhere [36, 39, 150]. Here, the un-

like parameters εNH+
3 −H2O

, εHB
NH+

3 −H2O,H−e1
and KHB

NH+
3 −H2O,H−e1

are estimated using experimental

osmotic-coefficient data of dilute solutions of alkylammonium bromide salts at 298.15 K for

mR−NH+
3 Br− ≤ 0.65 mol kg−1 where R = CH3-(CH2)n with 3 ≤ n ≤ 6, and of n-octylammonium
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Table 3.5: Group association energies εHB
kl,ab and bonding volume Kkl,ab for use with the SAFT-γ

Mie EoS. † indicates parameters obtained in the current work.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3 ref

H2O H H2O e1 1985.4 101.69 [37, 38]
H2O H aCH e1 563.56 339.61 [36]
H2O H aCCH e1 563.56 339.61 [40]
H2O H aCCH2 e1 563.56 339.61 [40]
H2O H COOH e1 1451.8 280.89 [39]
H2O H COOH e2 1252.6 150.98 [39]
H2O e1 COOH H 2567.7 270.09 [39]
H2O e1 NH2 H 1988.3 55.824 [167]
H2O H NH2 e1 1460.0 179.60 [167]
H2O H COO− e1 802.21 52.555 [42, 43]
H2O e1 NH+

3 H 2016.6 49.397 †
H2O e1 H3O+ H 1985.4 101.69 [150]
H2O H OH− e1 1492.0 76.411 [150]
aCH e1 H3O+ H 563.56 339.61 †

aCCH e1 H3O+ H 563.56 339.61 †
aCCH2 e1 H3O+ H 563.56 339.61 †
COOH H COOH H 6427.9 0.80620 [36]
COOH H NH2 e1 2623.5 20.765 †
COOH e1 H3O+ H 1451.8 280.89 †
COOH e2 H3O+ H 1252.6 150.98 †
COOH H OH− e1 2036.0 214.16 †
NH2 e1 NH2 H 1070.8 95.225 [167]
NH2 e1 H3O+ H 1460.0 179.60 †
NH2 H OH− e1 1511.4 42.436 †

COO− e1 H3O+ H 802.21 52.555 †
NH+

3 H OH− e1 1533.0 37.550 †
H3O+ H OH− e1 1492.0 76.411 [150]
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bromide salts at 278.15 K, 288.15 K, and 298.15 K for mC8H17NH+
3 Br− ≤ 0.23 mol kg−1. These

salts are modelled as strong electrolytes fully dissociated in water.

The SAFT-γ Mie calculations [150] using the newly developed NH+
3 group and its optimised

interaction parameters with H2O are compared to the experimental osmotic coefficient data

considered in the estimation procedure in Figure 3.3. The model developed leads to an excellent

description of the osmotic coefficient of the n-alkylammonium salts (Figure 3.3 (a)), but it

is interesting to note that the experimental data [221] feature little change in the osmotic

coefficient with increasing chain lengths of the alkylamines, while noticeable variation is seen

in the description obtained using the SAFT-γ Mie approach. In our model each amine involves

a different number of CH2 groups (three for the n-butylamine salt, four for the n-pentylamine

one, and so forth), such that the differences obtained in the calculation are not unexpected,

although they seem to be more pronounced than suggested by the data. In the case of the

solution of n-octylammonium salt (Figure 3.3 (b)) good overall agreement is observed, for the

range of concentrations available, especially at 298.15 K.

In order to assess the robustness of the model it is also useful to consider thermodynamic

properties not included in the parameter estimation. The liquid-phase density and MIAC of

the alkylammonium bromide salts are compared to experimental data [221–223] in Figure 3.4.

As can be seen in the figure, a good prediction of both properties is obtained with the model.

The densities of the solutions slightly decrease with increasing chain length, a trend seen both

in the experimental data, and in the predictions. We note that the small difference between

the calculated densities and the data stems from our model of pure water (m = 0). In terms

of the MIAC, it is reassuring to note the good agreement obtained with the predictions for the

three temperatures assessed.

We consider also the accuracy of the theoretical description provided by the SAFT-γ Mie

EoS by comparing the calculations (calc) to the experimental data (exp) in terms of the percent-

age average absolute deviation (%AAD) of a property X (cf. Equation (2.42)). A summary

of the %AAD values for the properties used in the estimation and validation is provided in

Table 3.6. We note the particularly low %AAD values for the MIAC and liquid-density calcu-
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lations, even though these properties were not included in the parameter estimation.
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Figure 3.3: Concentration dependence of the osmotic coefficient Φ of: (a) aqueous alkylam-
monium bromide salts of different chain lengths at T = 298.15 K and P = 0.101 MPa; and
(b) aqueous n-octylammonium bromide salts at T = 278.15 K, 288.15 K, and 298.15 K, and
P = 0.101 MPa. The continuous curves correspond to SAFT-γ Mie calculations (carried out
as outlined in ref. [150], using ν+ = 1 and ν− = 1), and the symbols to the experimental data
[221] used for parameter estimation.
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Figure 3.4: Concentration dependence of the: (a) liquid density ρ of aqueous alkylammonium
bromide salts of different chain lengths at T = 298.15 K and P = 0.101 MPa; and (b) mean
ionic activity coefficient γ±,m of aqueous n-octylammonium bromide salts at T = 278.15 K,
288.15 K, and 298.15 K and P = 0.101 MPa. The continuous curves correspond to SAFT-γ
Mie predictions and the symbols to the experimental data [221–223] used for model validation
(not considered in the parameter estimation).
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Table 3.6: The percentage average absolute deviation % AAD between calculated and experi-
mental values of the osmotic coefficient Φ, liquid density ρ and mean ionic activity coefficient
γ±,m of aqueous alkylammonium bromide salts. Calculations are performed using the SAFT-γ
Mie group-contribution approach; experimental data considered in the parameter estimation
and model validation are taken from the references indicated.

Parameter estimation
Salt T / K NR %AAD Φ ref
n-Butylammonium bromide 298.15 12 3.00 [221]
n-Pentylammonium bromide 298.15 10 5.05 [221]
n-Hexylammonium bromide 298.15 10 0.92 [221]
n-Heptylammonium bromide 298.15 10 1.30 [221]
n-Octylammonium bromide 278.15–298.15 39 1.04 [221]

Model validation
Salt T / K NR %AAD ρ ref
n-Butylammonium bromide 298.15 17 0.36 [222]
n-Pentylammonium bromide 298.15 10 0.35 [223]
n-Hexylammonium bromide 298.15 10 0.38 [222]
n-Heptylammonium bromide 298.15 20 0.47 [223]
n-Octylammonium bromide 298.15 23 0.50 [222]
Salt T / K NR %AAD γ±,m ref
n-Octylammonium bromide 278.15–298.15 39 1.82 [221]

3.3.5 Relative permittivity model

In the implementation of the SAFT-γ Mie theory to charged systems, the relative permittivity,

D, of the solution is implemented using the model of Schrekenberg et al. [151], in which

D = 1 + ρsolvd , (3.30)

where ρsolv = Nsolv/V is the number density of the solvent and d is obtained from:

d = dV

(
dT
T

− 1

)
, (3.31)

where dV and dT are component-specific parameters in units of dm3 mol−1 and K, respectively.

The model allows one to implicitly account for changes in the dielectric constant brought

about by changes in concentration, although only with qualitative accuracy. As an example, in
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comparison to experimental data of aqueous solutions of 0.1 M NaCl, this model would under-

estimate the reduction in the D by 1.4%. Here, in order to incorporate the dielectric constant of

the aqueous solution, the parameters used are dV = 0.3777 dm3mol−1 and dT = 1403.0 K [151],

which are appropriate for water.

3.4 Results and discussion

3.4.1 Phase diagrams

We start by carrying out calculations of the solid–liquid solubility of the two APIs of interest.

We validate the SAFT-γ-Mie predictions for the SLE of ibuprofen and ketoprofen comparing the

calculations with experimental data. Both the SLE of the neutral APIs (the intrinsic solubility)

and that of the ionised forms are presented in Figure 3.5 and, as can be seen in the figure, the

predicted solubilities are found to be in good overall agreement with the experimental data.

In the case of the solubility of the neutral APIs, we follow the procedure of Hutacharoen et

al., using the same groups as presented previously, confirming the previous results [39]. The

values of ∆hfus, T fus and ∆cp for ibuprofen and ketoprofen are taken from experimental data

[224–226]; they are provided in Table 3.7. In the case of the calculations involving the ionised

forms of the APIs the equilibrium constants needed (pKa) are taken from the literature; these

are also reported in Table 3.7. The importance of accurate values of these properties has been

highlighted in the work of Chua et al. [227].

For ibuprofen, a discrepancy in the experimental data sets available in the literature is

apparent (Figure 3.5 (a)). From our predictions, one can infer that three of the data sets

presented (refs [229–231]) correspond to the solubility of the molecular form of ibuprofen, while

the other two (refs [232, 233]) are likely to correspond to solubilities of ionised ibuprofen. Garzon

et al. [232], for example, used UV/Vis spectroscopy (a technique capable of detecting charged

species) to determine the solubility. In the case of ketoprofen, good agreement between our

SAFT-γ Mie predictions and the two experimental data sets [225, 234] can be seen in Figure
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Table 3.7: Properties of ibuprofen, ketoprofen, and sodium ibuprofen at 298.15 K and 310.15 K
and 1 atm used for modelling the phase behaviour and pH-solubility profiles, including: molar
melting enthalpies ∆hfus; melting temperatures T fus; heat capacities ∆cp; dissociation constants
pKa; and the solubility product Ksp,AνA

BνB
. * indicates properties that are calculated in the

current chapter. Values of the dissociation constant pKw of water are added for completeness.

Property Ibuprofen Ketoprofen
Sodium
Ibuprofen

Ref.

∆hfus/
(
Jmol−1

)
25500 28226 - [224, 225]

Tm/K 347.15 367.65 - [224, 225]
∆cp(T )/

(
J K−1

)
57.19 − 0.136T 0.115 - [224, 226]

pKa (298.15 K) 5.17 4.30 - [184]
pKa (310.15 K) 5.16 4.34 - *
Ksp,AνA

BνB
(298.15 K)/

(
mol2 L−2

)
- - 0.904 [183]

Ksp,AνA
BνB

(310.15 K)/
(
mol2 L−2

)
- - 0.932 *

pKw (298.15 K) - - - 14.00 [228]
pKw (310.15 K) - - - 13.60 [228]

3.5 (b). The good agreement confirms the validity of our SAFT-γ Mie model for the prediction

of the solid–liquid equilibria of the APIs.
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Figure 3.5: Isobaric solid–liquid equilibria (at P = 0.101 MPa) of the molecular and ionised
forms of (a) ibuprofen and (b) ketoprofen in water as a function of temperature. The symbols
represent experimental data (triangles [229], circle [230], square [231], diamonds [232], plus [233],
pentagons [225], and cross [234]), and the continuous and dashed curves represent predictions
using the SAFT-γ Mie approach for the molecular and ionised forms, respectively.

We now turn our attention to the calculation of the complete isobaric temperature–composition

phase diagrams for each of the API + water mixtures, including LLE and VLE, in addition to

SLE. According to surveys in 2010 [6] and 2020 [7] (involving 28 and 37 companies, 14% and
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8% of which were from the pharmaceutical industry, respectively), there is a critical need for

predictive models that can simultaneously describe different types of phase equilibria with the

same model and same parameter set, with a greater interest in accessing accurate LLE and

SLE calculations. The prediction of phase equilibria over broad ranges of conditions can prove

challenging for some GC approaches. In this context, the SAFT-γ Mie EoS has been shown

to be well-suited to deliver accurate predictions for a wide range of types of phase equilibria,

thermodynamic properties, and systems [36, 39, 148, 235].

In Figure 3.6 we present predictive calculations of the constant-pressure phase behaviour

for (neutral) ibuprofen and ketoprofen in water. As can be seen in the figure, regions of VLE,

LLE, and SLE are predicted for the mixtures. In more detail, in Figures 3.6 (a) and (b), at

the lowest temperatures, a region of solid–solid phase separation (SIBP + Sw) is indicated. It is

important to note that the phase boundaries of this region are not calculated, as in our model

(by construction), the solid phases are treated as pure in the corresponding component. A region

of solid–liquid equilibrium has a lower bound in temperature corresponding to a triple-point

temperature at 273.15 K (only slightly below the triple point of water), at which a eutectic

point is calculated for a mole fraction of ibuprofen xIBP = 1.50 × 10−6 (this extremely small

mole fraction is not visible in the figures). As the temperature is increased above this eutectic

point, two SLE regions are present: a large region to the right of the eutectic composition,

clearly visible in Figures 3.6 (a) and (b) (labelled SIBP + L1), in which (pure) solid ibuprofen

is predicted to be in equilibrium with a water-rich solution saturated in ibuprofen (i.e., with

concentration corresponding to the SLE intrinsic solubility of ibuprofen); and a second SLE

region to the left of the eutectic composition corresponding to the equilibrium of pure water

crystals with liquid solutions containing very small amounts of ibuprofen (xIBP < 1.50× 10−6),

not visible in the figure.

A second three-phase point is predicted at 335 K, corresponding to the phase equilibrium of

a pure ibuprofen solid phase, in coexistence with a liquid solution rich in ibuprofen (L2 in the

diagram) and a liquid solution rich in water. It is especially interesting to note the presence

of an LLE region (L1 + L2 in the figures), which corresponds to the so-called oiling-out of

pharmaceuticals. The predicted temperature for this equilibrium (above 335 K) is in good
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agreement with the LLE temperature range proposed by Codan et al. [236]. At temperatures

above 373.63 K, a VLE region is calculated; we note, however, that ibuprofen is reported to

begin decomposing at a temperature of 453 K [237].

The predicted phase behaviour of the water-rich side of the phase diagram is better seen

in Figure 3.6 (b), where the various types of phase equilibria predicted to take place at very

low concentrations of ibuprofen (xIBP < 2 × 10−4) can be seen. These regions are difficult to

confirm experimentally, emphasizing the importance of predictive tools such as the SAFT-γ

Mie GC approach used here.

The phase diagram for the ketoprofen + water mixture (Figures 3.6 (c) and (d)) is quali-

tatively similar to that of ibuprofen, as can be expected given the similar chemical structure

of the two APIs, and their similar melting points (347.15 K and 367.59 K for ibuprofen and

ketoprofen, respectively). We predict the LLE temperature range for ketoprofen to be between

348.60 K and 373.63 K. The decomposition temperature of this API is reported as 508.15 K

[238].
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Figure 3.6: Isobaric (P = 0.101 MPa) temperature–composition (T–x) phase diagrams of the
vapor–liquid equilibrium (VLE), liquid–liquid equilibrium (LLE), and solid–liquid equilibrium
(SLE) regions of ibuprofen (IBP) + water ((a) and (b)), ketoprofen (KTP) + water ((c) and
(d)) mixtures. The water-rich regions of the phase diagrams are highlighted in (b) and (d). The
symbols represent the experimental data and the continuous curves the predictions obtained
with the SAFT-γ Mie approach. The blue symbols correspond to SLE data for the APIs
(triangles [229], circles [230], diamonds [232], plus [233], empty squares [231], pentagons [225],
cross [234] and filled squares [224, 225, 239]), and the green symbols to the LLE data for
ibuprofen + water [236]. The dashed lines indicate the temperatures at which ibuprofen and
ketoprofen are reported to decompose [237, 238].
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3.4.2 pH-Solubility profiles

Predicting the pH-dependent solubility of ibuprofen and ketoprofen using a GC approach poses

a difficult challenge as, in addition to predicting the fluid-phase behaviour of the neutral APIs

in solution, the speciation (ionisation) of the molecules and the presence of relevant ionic species

in solution need to be taken into account. We assess now the prediction of the pH-solubility

profile of the APIs at 298.15 K using the SAFT-γ Mie EoS parameters provided in Tables 3.3,

3.4. and 3.5. In order to model the complete profiles, including the salt precipitation at high

values of pH where applicable, knowledge of the pKa of the acid, Ksp,AνA
BνB

of the salt, and

pKw of water, to be used in Equations (3.11), (3.22), and (3.19), respectively, is also required.

The values of these constants are listed in Table 3.7.

In Figure 3.7 (a) the predicted pH-solubility profile of ibuprofen at 298.15 is compared to

available experimental data [183]. HCl is used to lower the pH of the solution below the pKa of

ibuprofen to a pH of 1.0, while NaOH is used to buffer the solution to a pH of 11.6 and is also

the source of Na+ counter ions in the solution, leading to the formation of the sodium salt of

ibuprofen at high pH [183, 184]. As is apparent from the figure, our SAFT-γ Mie predictions are

in very good agreement with experimental data. We are able to capture the intrinsic solubility

plateau at acidic pHs, the increase in solubility associated with adding Na+ counter ions, and

the salt solubility plateau at high pH. The pH at which solid ibuprofen and its sodium salt can

coexist, pHmax, obtained from our SAFT-γ Mie prediction is 7.75, which compares well with

the measured value of 8.55 [184]. We note that only one stable polymorph (form γ [240]) has

been identified for sodium ibuprofen and that although the dihydrate form is reported by some

authors [241, 242], the experimental data used in our work do not correspond to the dihydrate

salt, therefore, only the anhydrous form of the salt is considered in our models.

In order to quantitatively assess the accuracy of the theoretical description provided by

the SAFT-γ Mie GC approach compared to experimental data for the pH-dependant solubility

of ibuprofen (Figure 3.7 (a)), the absolute average deviation (AAD) (cf. Equation (2.43)) is

calculated to be 0.05 mol L−1, which further validates the excellent predictive capability of our
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model.
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Figure 3.7: SAFT-γ Mie predictions of the pH-solubility profiles compared to experimental
data of aqueous solutions of (a) ibuprofen and (b) ketoprofen at ambient pressure (P = 0.101
MPa) and given temperature. The open blue and black symbols represent experimental data
and the continuous curves represent the predictions (blue curves correspond to 298.15 K and
black curves to 310.15 K). In (a) the data for HCl and NaOH buffered solutions are shown
as circles [184], squares [243], and crosses [244]. In (b) the data for HCl and NaOH buffered
solutions are shown as circles [183], triangles [245], and empty diamonds [246]. The empty black
diamonds correspond to experimental measurements at 310.15 K, all other experimental data
were determined at 298.15 K. Predictions obtained using acetate as buffer are shown as filled
orange diamonds. For the SAFT-γ Mie predictions, the pH is calculated using Equation (3.26),
while the pH of the experimental data is taken as reported in the corresponding publications.

The SAFT-γ Mie prediction of the pH-solubility profile of ketoprofen at the same tempera-

ture of 298.15 K is compared to experimental data in Figure 3.7 (b). HCl and NaOH are again

used to buffer the solution in the acidic and basic pH range, respectively. Na+ counter ions

are used, as sodium has been shown to lead to increases in the ionisation and solubility of the

API [184]. The sodium salt of ketoprofen is reported to form only via a process of evaporation

and is not expected to result from an aqueous solution of API and NaOH [184, 247]; as a con-

sequence, this salt is not included in our model. As can be seen in the figure, our predictions

are in very good agreement with the experimental data [183, 245], corresponding to an AAD

of 0.17 mol L−1.

A commonly used buffer to regulate the pH of solutions between 4.0 and 4.6 is prepared

through the addition of acetic acid and sodium acetate [206, 207]. We use this buffer to predict

the solubility of ibuprofen and ketoprofen in an aqueous solution over this pH range (and T =

298.15 K) using the SAFT-γ Mie GC approach. These predictions are also presented in Figures
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3.7 (a) and (b). The solubilities of the APIs in the acetate buffer solution are found to be the

same as in the buffer solutions of HCl, suggesting that the choice of buffer in this pH range has

no effect on the solubility. This interesting result requires experimental confirmation.

As an added point here, we note how in modelling pH-solubility profiles it is crucial

to use thermodynamic-based equilibrium constants pKa, pKw, and Ksp,AνA
BνB

rather than

concentration-based analogues, as the two definitions are not equivalent for concentrated solu-

tions. In Figure 3.8 we depict the change in the thermodynamic-based equilibrium constant

(calculated using the ratio of activities as given in Equation (3.9)) and in the concentration-

based analogue (calculated using the ratio of concentrations) as a function of pH for the ibupro-

fen and ketoprofen solutions using HCl and NaOH as the buffering agents. As can be seen in

the figures, similar values of pKa are calculated at pH values close to the pKa of each of the

APIs, respectively. The difference between the thermodynamic- and concentration-based pKa

values becomes apparent as the buffering species are added to the solutions, resulting in more

concentrated solutions. The ratio of activity coefficients in Equation (3.11) can no longer be

assumed to be 1.0 for these solutions.
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Figure 3.8: The calculated thermodynamic- (red) and concentration-based (blue) pKa of (a)
ibuprofen and (b) ketoprofen in aqueous solutions at 298.15 K, as a function of pH. HCl and
NaOH are used as pH-changing agents. The pH is calculated using Equation (3.26).
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3.4.3 Temperature effect on the pH-solubility profile

The pH solubility profiles of ibuprofen and ketoprofen at a higher temperature of 310.15 K

(37◦C) are also considered. The relevant dissociation constants at this temperature are reported

in Table 3.7. The temperature dependence of pKa is calculated using the well-known van’t Hoff

equation [182], (
∂pKa

∂T

)
P

=
−∆h0(T )

2.303 RT 2
, (3.32)

in which the conversion factor of 2.303 is used, to convert the natural logarithm (lnKa) to a

base–10 logarithm (log10 Ka); the molar standard state enthalpy at given T can be calculated

through integration of the isobaric heat capacity cp. In the case of ibuprofen, Xu et al. [248]

used a polynomial to represent cp measurements obtained using an adiabatic calorimeter, as a

function of scaled temperature, T̃ , to obtain a correlation given as

cp/
(
JK−1mol−1

)
=144.27 + 77.046 (T̃ /K) + 3.5171 (T̃ /K)2 + 10.925 (T̃ /K)3

+ 11.224 (T̃ /K)4 ,

(3.33)

where T̃ /K = (T/K− 206.201)/127.096. This correlation, which is valid over the temperature

range 79.105 ≤ T/K ≤ 333.397, is used in our current work.

In the case of ketoprofen, a linear expression for pKa as a function of T based on titration

measurements has been reported by Avdeef [182] and by Avdeef and Tsinam [249] as

(∂pKa/∂T )P = 0.003/K. (3.34)

This expression is applicable over the temperature range 298.15 ≤ T/K ≤ 310.15.

The van’t Hoff equation is also used in the calculation of the temperature dependence of

the solubility product Ksp,AνA
BνB

(T ) of sodium ibuprofen. Manin and Perlovich [250] have used

differential scanning calorimetry to report a correlation for cp of sodium ibuprofen given as

cp/JK
−1mol−1 = 315.12− 0.522 (T/K) + 1.863× 10−3 (T/K)2 . (3.35)
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Their correlation is valid in the temperature range 295.11 ≤ T/K ≤ 431.11 and gives

(∂pKsp,AνA
BνB

/∂T )P = 0.0307/K (3.36)

corresponding to Ksp,AνA
BνB

= 0.932 mol2 L−2 at 310.15 K.

In Figure 3.7 (a), the solubility of ibuprofen is found to be higher at 310.15 K than at

298.15 K, as expected. At higher temperature, the lower pKa leads to more ionisation of

ibuprofen and to a higher concentration of ibuprofen anions in solution, increasing its solubility.

Interestingly, the increase in solubility is most significant at the lowest pH. It is also evident

from the pH-solubility profile that the solubility of the salt form (IBP−Na+) is almost unaffected

by the increase in temperature. A small change in the value of pHmax is, however, predicted

(from 7.75 at 298.15 K to 7.37 at 310.15 K). To the best of our knowledge, no experimental

data are available for the pH-dependent solubility of ibuprofen at 310.15 K.

For ketoprofen, very good agreement between the SAFT-γ Mie predictions and the experi-

mental data of Sheng et al. [246] at 310.15 K can be seen in Figure 3.7 (b) (with a corresponding

AAD = 0.06 mol L−1) . The solubility of ketoprofen is higher at 310.15 K compared to 298.15 K

for the entire pH range. As in the case of ibuprofen, the solubility of ketoprofen increases most

at the lowest pH. No predictions are made for the salt solubility of this API as the KTP−Na+

salt does not form in aqueous solution (as mentioned previously).

3.4.4 Inorganic counter-ion effect on the pH-solubility profile

The choice of counter ion plays a key role in determining the increase in solubility of the

free form of the API and in the formation of its salt [181]. Analysis of the trends of counter

ions published by the US Drug and Food Administration (FDA) in 2007 [251] indicates that

inorganic counter ions are most-commonly used for acidic APIs, with the highest recurrence

for sodium counter ions (75.3%). In this context, it is also of interest to predict the variations

in solubility when other counter ions are considered as buffers. We take advantage of the

predictive nature of our SAFT-γ Mie GC approach to predict the aqueous pH-solubility profile
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of ibuprofen and ketoprofen at 298.15 K using various inorganic counter ions, and HCl, to

buffer the solutions. Our predictions are shown in Figures 3.9 (a) and (b) for ibuprofen and

ketoprofen, respectively. The strong bases: KOH, LiOH, RbOH, Ca(OH)2, and Mg(OH)2 are

used to buffer the solution in the basic pH-range and as a source of K+, Li+, Rb+, Ca2+, and

Mg2+ counter ions, respectively (NaOH is also presented for comparison).

As can be seen in the figures, differences in solubility for each API are seen on addition of

different counter ions only at higher pHs (6.8 and 6.2 for ibuprofen and ketoprofen, respectively).

All counter ions lead to an increase in the solubility of the APIs, as expected, with monovalent

counter ions (Na+, K+, Li+, Rb+) leading to larger enhancement of the solubility compared to

divalent cations. The order of decreasing solubility of ibuprofen and ketoprofen based on the

counter ion used is found to be Rb+ > K+ > Na+ > Li+ > Ca2+ > Mg2+, which interestingly

follows the decreasing order of the base strength of the sources of these counter ions: pKa,RbOH >

pKa,KOH > pKa,NaOH > pKa,LiOH > pKa,Ca(OH)2 > pKa,Mg(OH)2 . It should be noted here that

no information on the strength of these bases is included in the model, as they are assumed to

be fully dissociated (cf. Reaction (3.15)), such that it is especially reassuring that a physically

meaningful trend is seen in our predictions.

No predictions are made as to the solubility of the salts of ibuprofen and ketoprofen formed

with the different counter ions considered, as no data are available in the literature for the

solubility or solubility product of these salts in aqueous solution. However, according to Stahl

and Wermuth [181], it is expected that potassium salts will have a higher solubility than the

corresponding sodium salts in aqueous solutions while calcium salts are expected to exhibit

lower aqueous solubility compared to other salts.

3.4.5 Organic counter-ion effect on the pH-solubility profile

There is increased interest in the pharmaceutical sector in the use of more-diverse counter

ions as more-challenging molecules are selected for development [251], provided that there is

at least 3 units difference in the pKa of the API and its counter ion to form a stable salt
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Figure 3.9: SAFT-γ Mie group-contribution predictions of the pH-solubility profiles of aqueous
solutions of (a) ibuprofen and (b) ketoprofen at 298.15 K and 0.101 MPa using HCl and the
strong bases NaOH, KOH, LiOH, RbOH, Ca(OH)2, and Mg(OH)2 to buffer the API solutions
and as sources of the: Na+, K+, Li+, Rb+, Ca2+, and Mg2+ cations, respectively. The colouring
of the curves corresponds to different counter ions in solution as specified in the legends. The
dashed blue curve in (a) represents the solubility of ibuprofen after the sodium salt of ibuprofen
begins to precipitate (cf. Figure 3.7 (a)). The pH is calculated using Equation (3.26).

[252]. Here, we study multiple amines as the source of organic counter ions to develop the pH-

solubility profile of ibuprofen, including the corresponding ibuprofen-amine salts. The SAFT-γ

Mie predictions of the corresponding pH-solubility profiles using the weak bases n-hexylamine,

n-octylamine, benzylamine, and tert-butylamine as buffering agents are shown in Figure 3.10.

At pH < pKa,IBP, HCl is used to buffer the solution, such that the solubility of ibuprofen in

this pH-range is the same as that reported in Figure 3.7 (a), as no counter ions are added at

this stage. In Figure 3.10, the solubility of ibuprofen at a higher pH is found to be the same

regardless of the amine (counter ion) considered (before salt formation) which reflects the fact

that these weak bases have similar values of pKa (≈ 10).

Once the solubility product Ksp,AνA
BνB

of the salts is reached the ibuprofen amine salts begin

to precipitate. The thermodynamic solubility product Ksp,AνA
BνB

of each of the salts shown in

Figure 3.10 is calculated based on the salt solubility measurements reported by David et al.

[244], using Equation (3.22) and the density of the solution calculated by the SAFT-γ Mie EoS;

the calculated values are given in Table 3.8. David et al. [244] have suggested the existence of

two polymorphic forms for the benzylamine salt of ibuprofen, however, only the solubility of one

of these is reported in their paper; this is the form considered in our calculations. Polymorphic
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Figure 3.10: SAFT-γ Mie group-contribution predictions of the pH-solubility profile of aqueous
solutions of ibuprofen and its amine salts compared to experimental data at 298.15 K and
0.101 MPa. HCl is used as the acidic buffering agent and n-hexylamine (red), n-octylamine
(green), tert-butylamine (blue), and benzylamine (violet) as basic buffering agents as well as
the source of organic counter ions. The symbols represent the experimental data [183, 244] and
the continuous curves the predictions with the SAFT-γ Mie approach. The predicted solubility
of the free form of ibuprofen (black) is the same for all of the counter ions used. For the SAFT-γ
Mie predictions, the pH is calculated using Equation (3.26), while the pH of the experimental
data is taken as reported in the corresponding publications.

forms for the remaining amine salts were not reported and the authors did not consider the

presence of hydrated forms of any of the amine salts. From the SAFT-γ Mie calculations of the

solubility of ibuprofen salts in Figure 3.10, a decrease in the solubility of the the benzylamine

salt is seen at pH > 9.4, due to the presence of excess counter ions; this phenomenon is known

as the common-ion effect, and is more pronounced for salts with lower values of Ksp,AνA
BνB

values [176]. This effect is not observed for the other salts, with higher Ksp,AνA
BνB

.

In the context of drug development, salts are typically used to enhance the solubility of the

API [252]; therefore, counter ions that lead to higher salt solubilities are desirable. However,

salts with higher solubilities also have a higher tendency to undergo salt disproportionation,

which occurs when the salt converts to its free form, leading to a negative impact on the

bioavailability of the API [203, 204]. The value of pHmax obtained from pH-solubility profiles
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Table 3.8: Solubility products Ksp,AνA
BνB

and pHmax for ibuprofen amine salts obtained from
SAFT-γ Mie predictions of the corresponding pH-solubility profiles (cf. Figure 3.10).

Ibuprofen salt Ksp,AνA
BνB

/ (mol2 L−2) pHmax

n-Hexylamine 2.8892× 10−4 6.60
n-Octylamine 2.0453× 10−5 6.03

tert-Butylamine 2.4784× 10−4 6.53
Benzylamine 5.9826× 10−7 5.05

can give an indication of the likelihood of a salt to disproportionate [202], such that a salt of

an acidic API with a higher pHmax is more likely to revert back to its free form than one with a

lower pHmax. The pHmax values for the ibuprofen salts in Figure 3.10, obtained in our work, can

be found in Table 3.8. The n-hexylamine salt of ibuprofen has the highest pHmax value of 6.60

and is most likely to undergo salt disproportionation compared to the other salts considered

here.

3.5 Conclusions

Predictive models based on group-contribution (GC) approaches are an attractive prospect in

the study of solutions containing active pharmaceutical ingredients (APIs). In particular, the

solubility of APIs is of interest, as it can be especially challenging to measure accurately due

to the low aqueous solubility of many drugs. In this chapter, we demonstrate the ability of

the SAFT-γ Mie GC equation of state to predict the phase behaviour, including solid–liquid

solubility and pH-solubility profiles of two acidic APIs: ibuprofen and ketoprofen in aqueous

solution. Group interaction parameters presented in previous studies are used here, with the

explicit intention to examine the predictive power of the approach.

We first present the intrinsic (neutral) solid–liquid equilibria (SLE) of the compounds, as well

as the liquid–liquid (LLE), the so-called oiling-out, and the vapour–liquid equilibrium (VLE)

regions of the phase diagrams of the binary mixtures. The various types of phase equilibria

that take place across a wide temperature range, including VLE, LLE, and SLE at very low

mole fractions of the APIs (≈ 10−6) are predicted. Our calculations highlight the difficulty in
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carrying out experimental measurements at such low concentrations and perhaps explain the

lack of available literature data for many APIs. We obtain very good agreement with available

SLE solubility data of ibuprofen and ketoprofen, and for the temperature range over which

oiling-out (LLE) is observed in ibuprofen solutions.

By accounting for the speciation of the APIs, the acidic buffers, and the inorganic and

organic counter ions in solution, we develop a model to predict the pH-solubility profile of

the aqueous solutions of the APIs. These profiles are determined by combining experimental

values for the equilibrium constant (pKa of the acids, Kw of water, and Ksp,AνA
BνB

of the salts)

with molecular models using the SAFT-γ Mie GC EoS. Excellent agreement with experimental

data for the pH-solubility profile predictions of aqueous solutions of ibuprofen and ketoprofen

buffered by HCl and NaOH at 298.15 K, is shown. The SAFT-γ Mie GC approach accurately

captures the intrinsic solubility plateau at acidic pH values, the increase in API solubility

associated with adding NaOH, and, in the case of ibuprofen, the salt solubility plateau at high

pH. We demonstrate that SAFT-γ Mie is a powerful predictive tool, considering that no data

related to this model are used to obtain the group interaction parameters. The solubility and

pH profiles at 310.15 K, using HCl and NaOH to buffer the solutions, are also predicted. The

equilibrium constants, pKa, Ksp,AνA
BνB

, and pKw, are evaluated at this temperature using the

van’t Hoff equation. An increase in API solubility is observed at 310.15 K, with the enhancement

being more apparent in the acidic pH range. Furthermore, the ability of the SAFT-γ Mie GC

approach in representing buffer variation is showcased by using acetate as an acidic buffer in

the pH range 4.0–4.6 at 298.15 K. Negligible differences are seen in the predicted solubilities

with changes in pH when acetate is used as the buffer instead of HCl.

The choice of counter ion also plays an important role in determining the increase in the

solubility of the API as the pH is changed and the solubility of its salt, if it forms. We carry

out predictions of the pH-solubility profiles for ibuprofen and ketoprofen to include various

counter ions, including several strong bases as a source of the inorganic counter ions (K+, Li+,

Rb+, Ca2+, and Mg2+). Solubility predictions for both APIs indicate a trend of decreasing API

solubility at pH > 6.0 following Rb+ > K+ > Na+ > Li+ > Ca2+ > Mg2+, which interestingly

follows the decreasing order of the strength of the base corresponding to the source of these
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counter ions. These findings can be extended to identify the corresponding solubility of the

API salt for each of the counter ions, once experimental salt solubility data become available.

Additionally, considering that the pharmaceutical industry is moving towards the use of

more-diverse counter ions, we extend our predictions to treat several amines as the source of

organic counter ions in aqueous ibuprofen solutions. In order to do this, we develop the rele-

vant group interactions for a new NH+
3 group using osmotic-coefficient data for the parameter

estimation, and mean-ionic-activity-coefficient and saturated-liquid density data to validate the

adequacy of the model. We demonstrate the capability of the SAFT-γ Mie GC approach in

handling complex mixtures of molecular and ionic groups, where we use the predicted pH-

solubility profiles to determine the values of the thermodynamic Ksp,AνA
BνB

and pHmax for the

ibuprofen amine salts.

The findings from our current work demonstrate the applicability of the SAFT-γ Mie GC

approach for pharmaceutical systems, particularly for understanding the phase behaviour of

APIs and the pH-solubility profiles, including the relevance of this tool for salt selection and

disproportionation.



Chapter 4

Predicting the pH-dependent solubility of

basic diprotic APIs

4.1 Introduction

In the work presented thus far, the performance of the SAFT-γ Mie GC approach in the

prediction of the phase behaviour and pH-solubility profiles of ionisable active pharmaceutical

ingredients (APIs) has been discussed. In Chapter 3, we outlined the thermodynamic modelling

framework required for developing the pH-solubility profiles of weakly acidic monoprotic APIs,

combining experimental values for the equilibrium constant for the dissociation of the APIs and

the formation of salts, with molecular models using the SAFT-γ Mie GC EoS. The thermody-

namic framework developed in Chapter 3, can also be applied for modelling the pH-solubility

profiles of weakly basic monoprotic APIs, using the corresponding equilibrium constants for

the APIs and their salts. In this chapter, after having successfully modelled the pH-solubility

profiles of monoprotic APIs, we extend the application of the SAFT-γ Mie EoS to model the

pH-solubility profiles of diprotic APIs.

In general, for ionisable APIs, which are weak electrolytes, salt formation is the preferred

method for increasing the solubility of the APIs and improving their bioavailability [179–181].

Diprotic APIs particularly benefit from salt formation as their solubility is expected to increase

77
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by a hundred units for a single unit change in pH, compared to a tenfold increase only in the

solubility of monoprotic APIs, for every pH unit change [178, 192, 253]. Diprotic compounds

contain two ionisable moeties in their molecules and can, in theory, form disalts, thus showing a

significant increase in solubility with changing pH. The complex speciation exhibited by diprotic

APIs in solution and the possible precipitation of multiple salt forms, make the determination of

the pH-dependent solubility of diprotic APIs more challenging compared to that of monoprotic

APIs.

A small number of experimental investigations studying the pH-solubility profiles of diprotic

APIs can be found in the literature [192, 253–257]. Lakkaraju et al. [257] investigated the pH-

solubility profile of avitriptan, a basic diprotic API, and found that only strongly acidic counter

ions (e.g., hydrochloride) led to the formation of the disalt of the API, weaker acidic buffering

agents (e.g., acetate) did not protonate the second basic moiety in the API thus forming the

monosalts only. The pH-dependent solubility of another dibasic API was studied by Garren

and Pyter [253], using the saturation shake-flask (SSF) method. They observed that despite

using hydrochloride counter ions (strong acid) to lead to salt formation, the dihydrochloride

salt of the diprotic base did not precipitate due to the high solubility product of the disalt. To

the best of our knowledge only the work by Venkatesh et al. [192], in which the authors studied

the pH-solubility profile of cosalane using the SSF method, explored the pH-solubility profiles

of diprotic acids. The solubility of cosalane increased by more than 107 times, compared to the

intrinsic solubility, following a pH adjustment of less than four pH units; although no salt was

found to precipitate in the pH range considered.

In terms of computational approaches used to study the pH-solubility profiles of diprotic

APIs, the literature [192, 253, 254, 256] on modelling these profiles is limited to the use of

empirical equations, such as the Henderson-Hasselbalch (HH) equations [193], which have been

found to only give rough estimates of the profiles, as discussed in Chapter 3. Molecular mod-

elling techniques based on thermodynamic concepts have not been employed to calculate or

predict the pH-solubility profiles of diprotic APIs.

In the current chapter, we aim to fill this gap in literature by developing a thermodynamic
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framework for modelling the pH-solubility profiles of diprotic APIs using the SAFT-γ Mie GC

approach. We demonstrate the applicability of the approach by modelling the pH-solubility pro-

file of the weakly basic diprotic API procaine, a local anesthetic, in aqueous buffered solutions.

In the following section we present the thermodynamic framework used. Model development

within the SAFT-γ Mie GC approach relevant to aqueous solutions of procaine is provided in

Section 4.3, including the estimated parameters for the new SAFT-γ Mie group interactions

required for these mixtures. Predictions of the intrinsic solubility of procaine as well as its

pH-solubility profile using the developed framework are demonstrated in Section 4.4. Final

remarks are given in Section 4.5.

4.2 Thermodynamic modelling of pH-solubility profiles

Pharmaceutical drugs are classified as bases when they contain a nitrogen atom with lone pairs

of electrons available to accept a proton [258]. Procaine contains two nitrogen atoms with

free lone pairs of electrons: the first nitrogen atom (N1) is present in a tertiary amine in the

diethylamino moeity and the second nitrogen atom (N2) is in the amine group attached to the

benzene ring (cf. Figure 4.1 (a)). The presence of these two nitrogen atoms allows molecular

(neutral) procaine (PC) to behave as a weak diprotic base in solution, i.e., it can accept two

protons (cf. Figure 4.1 (c)).

(a)

H2N

O

N

O

C13H20N2O2

(b)

H2N

O

NH+

O

C13H21N2O
+
2

(c)

+H3N

O

NH+

O

C13H22N2O
2+
2

Figure 4.1: The chemical structure of (a) neutral procaine, (b) procaine monocation and (c)
procaine dication.

In aqueous solution, procaine dissociates according to the following reactions:

C13H20N2O2 +H2O
Kb1,PC−−−−⇀↽−−−− C13H21N2O

+
2 +OH− , (4.1)
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and

C13H21N2O
+
2 +H2O

Kb2,PC−−−−⇀↽−−−− C13H22N2O
2+
2 +OH− . (4.2)

where Kbx,PC = 10−pKbx,PC for x = 1, 2. pKbx,PC can be calculated as

pKbx,PC = pKw − pKax,PC , (4.3)

where pKax,PC are the acid dissociation constants of procaine and pKw is the ionic product

of water (cf. Equations (3.13) and (3.19) respectively). The first ionisation of procaine in

Reaction (4.1) occurs when N1 on PC accepts a proton to produce the procaine monocation

PC+ (Figure 4.1 (b)). The lone pairs of electrons on N1 are concentrated on the nitrogen atom

and are available to bond with a proton. This is in contrast to N2, where the lone pairs of

electrons are delocalized into the benzene ring and are less available to accept a proton. The

second ionisation of procaine occurs when N2 on PC+ bonds to a hydrogen atom to form the

dication of procaine PC2+ (Figure 4.1 (c)) as given by Reaction (4.2).

In general, it is more common in the literature to refer to the strength of basic APIs in

terms of the pKa of the conjugate acid of the base. Therefore, we express Reactions (4.1) and

(4.2) in terms of the conjugate acids as,

C13H21N2O
+
2 +H2O

Ka1,PC−−−−⇀↽−−−− C13H20N2O2 +H3O
+ , (4.4)

and

C13H22N2O
2+
2 +H2O

Ka2,PC−−−−⇀↽−−−− C13H21N2O
+
2 +H3O

+ . (4.5)

respectively, where pKa1,PC (298.15 K) = 9.0 and pKa2,PC (298.15 K) = 2.5 [258].

To develop the thermodynamic framework for modelling the pH-solubility profile of procaine

in water, a preliminary step is to identify the phase equilibrium between the solid and liquid

phases as well as the speciation occurring in the liquid phase. For simplicity, Reactions (4.4)
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and (4.5) will be referred to as,

PC+ +H2O
Ka1,PC−−−−⇀↽−−−− PC + H3O

+. (4.6)

and

PC2+ +H2O
Ka2,PC−−−−⇀↽−−−− PC+ +H3O

+. (4.7)

respectively, in this chapter. The equilibrium between molecular procaine in the liquid and

solid phases is shown in Figure 4.2 (a), together with the dissociation of the API in aqueous

solution to produce PC+ (Reaction(4.6)), and the consequent dissociation of PC+ in water to

give rise to PC2+(Reaction(4.7)). We also account for the dissociation of water into H3O
+ and

OH− as given by the ionic product of water Kw. In addition, the strong base NaOH and the

strong acid HCl are used to buffer the solution, and are modelled as fully dissociated into their

respective ions; thus species Na+ and Cl− are also present in the liquid phase.
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Figure 4.2: Schematic representation of the equilibria and speciation considered for modelling
the pH-solubility profile of procaine (PC) and its salt forms: the hydrochloride (PC-HCl) and
the dihyrochloride (PC(HCl)2) salts. (a) The four equilibria taking place before salt formation:
the solid–liquid equilibrium of neutral procaine, PC; the dissociation of PC in the liquid phase
into its ionised form, PC+, regulated by the thermodynamic equilibrium constant Ka1,PC; the
dissociation of PC+ in water into the dication PC2+ accounted for by Ka2,PC; and the disso-
ciation of water given by the ionic product of water Kw. HCl and NaOH are the strong acid
and base buffers modelled as fully dissociated into Cl− and H3O

+, and Na+ and OH− ions, re-
spectively. The solid phase consists of pure neutral PC. (b) The pH-solubility profile including
the solubility of the neutral form of the dibasic API and its salts PC-HCl and PC(HCl)2. The
green spheres show the components present in the liquid phase in the three regions of the plot.

A schematic of the pH-solubility profile of procaine is shown in Figure 4.2 (b). At high
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pH, the solubility of procaine corresponds to its intrinsic solubility. As pH decreases below

pKa1,PC, with the addition of Cl− counter ions, the solubility increases due to a rise in the

concentration of the monoprotonated form of the API (PC+) in solution. At lower pH values

(pKa2,PC < pH < pKa1,PC), another plateau in solubility is expected due to the precipitation

of the hydrochloride salt of the monoprotonated base (PC-HCl) after the first pHmax (pHmax,1).

The pH of the solution will continue to decrease with the addition of Cl− counter ions. At

pH below pKa2,PC, a second sharp rise in solubility occurs due the protonation of the second

basic moeity (N2) on procaine resulting in an increase in the concentration of the diprotonated

form of the API (PC2+) in solution. The solubility will continue to increase until reaching the

second pHmax value (pHmax,2), below which, the dihydrochloride salt of procaine (PC(HCl)2)

may form.

4.2.1 Intrinsic solubility of procaine

At a given temperature T and pressure P the solid–liquid intrinsic solubility of neutral procaine

can be calculated as discussed in Section 3.2.1. A simplified form of Equation (3.2), which is

commonly used in literature [25], is employed here:

lnxL
PC (T, P ) =

∆hfus
PC

(
T fus
PC, P

)
R

(
1

T fus
PC

− 1

T

)
− ln γPC(T, P,x

L) , (4.8)

where the second and third terms in Equation (3.2) are neglected. Due to the absence of

experimental data for the difference in the isobaric heat capacity in the liquid and solid phases

(∆cp), it is assumed that the terms involving ∆cp in Equation (3.2) have approximately equal

contributions and will cancel out due to their opposite signs.

In Equation (4.8), the melting properties of procaine ∆hfus
PC and T fus

PC are obtained from

experimental data [259] as 26.1 kJ mol−1 and 334.15 K, respectively. The symmetric activity

coefficient of procaine in the liquid phase γPC is calculated using Equation (3.3).
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4.2.2 Solubility of procaine

In solution, procaine dissociates according to Reactions (4.6) and (4.7). The Gibbs free energy

change ∆RG for the Reaction (4.6) is given by Equation (3.4), by summing over the relevant

species in the equilibrium, PC+,H2O,PC, and H3O
+, which leads to,

∆RG(T, P,x) = µPC + µH3O+ − µPC+ − µH2O = 0 . (4.9)

Using the expressions for the chemical potential of a component i in Equations (3.6) and

(3.7), the thermodynamic equilibrium constant for the first dissociation step of procaine Ka1,PC

can be expressed as,

Ka1,PC = exp

(
−
µ◦
PC + µ◦

H3O+ − µ◦
PC+ − µ◦

H2O

RT

)
, (4.10)

and hence,

Ka1,PC ≡ aPC aH3O
+

aPC+ aH2O

. (4.11)

Here, as for monoprotic acids in Chapter 3, we use the molal thermodynamic equilibrium

constant, Km
a1,PC which is given by,

Km
a1,PC =

(
mPCmH3O

+

mPC+

)(
γ̃m,PC γ̃m,H3O

+

γ̃m,PC+

)
; (4.12)

consequently,

pKa1,PC = −log10(K
m
a1,PC) . (4.13)

For the second dissociation step of procaine given by Reaction (4.7), a similar derivation of

the thermodynamic equilibrium constant is employed, resulting in

Km
a2,PC =

(
mPC+ mH3O

+

mPC2+

)(
γ̃m,PC+ γ̃m,H3O

+

γ̃m,PC2+

)
; (4.14)
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and,

pKa2,PC = −log10(K
m
a2,PC) . (4.15)

In order to promote the dissociation of procaine, the pH of the solution is decreased by

adding an acid as a buffering agent and as a source of counter ions. In this chapter, we use

HCl, a strong acid, to buffer the solution. In the model, HCl is assumed to be completely

dissociated in solution into its respective ions, H3O
+ and Cl−.

Analogously, the pH of the solution can be increased to determine the solubility of procaine

in the alkaline pH range by adding a strong or weak base as a buffering agent. For solutions

of procaine we use NaOH, a strong base, to increase the pH of the solution, modelled as fully

dissociated into Na+ and OH−.

The solubility of procaine (in molarity (moles/volume) units), prior to salt formation, SPC,

is given as the sum of the intrinsic solubility and the concentrations of the ionised forms of

procaine,

SPC = ρMw (mPC +mPC+ +mPC2+) , (4.16)

where ρ is the molar density of the solution and MW is the molecular mass of water. We

note that, the dissociation of water (Reaction (3.17)) is also accounted for in the model by

incorporating the molal ionic product of water Kw (cf. Equation (3.18)).

4.2.3 Salt solubility

As a diprotic base, procaine can, in theory, precipitate as the hydrochloride (HCl) salt of the

monoprotonated base, which dissociates in solution as,

PC-HCl(s)
Ksp1,PC-HCl−−−−−−−⇀↽−−−−−−− PC+

(aq) + Cl−(aq) , (4.17)

or as the dihydrochloride salt of the diprotonated base, dissociating in solution as,

PC (HCl)2(s)
Ksp2,PC(HCl)2−−−−−−−−⇀↽−−−−−−−− PC2+

(aq) + 2Cl−(aq) , (4.18)
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when the solubility products Ksp1,PC-HCl or Ksp2,PC(HCl)2
, respectively, are reached. The solu-

bility products of procaine salts can be calculated using Equation (3.22).

The corresponding pH at which the hydrochloride and dihydrochloride salts start to precipi-

tate are labelled as pHmax,1 and pHmax,2, respectively (see Figure 4.2 (b)). Any further addition

of counter ions to decrease the pH in the salt-precipitating regions of the pH-solubility profile,

may lead to an excess of these ions, and to a drop in the solubility of the salt; characteristic of

the common-ion effect [176].

The solubility reported after the onset of salt preciptation, corresponds to the ionised forms

of procaine only, as given by,

SPC = ρMw (mPC+ +mPC2+) . (4.19)

4.2.4 pH-Solubility profiles of procaine

In order to complete the pH-solubility profile of procaine, experimental values for pKa1,PC, and

pKa2,PC are obtained from ref. [259], with the SAFT-γ Mie EoS used for the calculation of

the density of the solution and activity coefficients of the species. Additionally, Ksp1,PC-HCl and

Ksp2,PC-(HCl)2
are required to determine the solubility of procaine salts; however, no information

on these solubility products are found in literature. Alternatively, we obtain Ksp1,PC-HCl by

fitting Equation (4.19) to procaine hydrochloride solubility data reported by Guerrari et al. [260]

at 298.15 K. We note that no data on the solubility of the dihydrochloride salt of procaine is

found in literature; therefore, it is assumed that this salt does not precipitate. This is a valid

assumption, in particular at pH>pKa2,PC where the concentration of PC2+ is expected to be

very low.

In summary, prior to salt formation (at pH > pHmax,1), the mole fraction of neutral procaine

xPC in solution, at a given temperature and pressure, is determined using Equation (4.8). As

procaine is an ionisable drug, it will dissociate in aqueous solution according to Reactions (4.6)

and (4.7) which are accounted for in the model by the thermodynamic equilibrium constants
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in Equations (4.12) and (4.14), respectively. The pH of the solution is changed by adding

the buffering agents HCl or NaOH, which are modelled as strong electrolytes. Hence, the

species present in solution at pH > pHmax,1 are: H2O, H3O
+, OH−, PC, PC+, PC2+ and

Na+ or Cl−. To determine the concentration of each of the species, the equations for pKa1,PC

(Equation (4.13)), pKa2,PC (Equation (4.15)) and Kw (Equation (3.18)) are solved together

with Equation (4.8) and the condition of electroneutrality (Equation (3.25)).

As pH changes, Ksp1,PC-HCl is calculated as (cf. Equation (3.22))

Ksp1,PC−HCl = (mPC−HCl)
2 (γ̃m,PC+ γ̃m,Cl−) , (4.20)

to identify when the salt is precipitated. During this process, the solubility of procaine is calcu-

lated using Equation (4.16) for pH above the point at which Kcalc
sp1,PC-HCl = Kexp

sp1,PC-HCl and the

solubility of procaine hydrochloride is calculated using Equation (4.19) at pH below this point.

To determine the concentration of the species present in solution (H2O, H3O
+, OH−, PC+, PC2+

and Na+ or Cl−) at pH < pHmax,1, the equation for the solubility product Ksp1,PC-HCl (Equation

(4.20)) replaces Equation (4.8), to be used together with Equations (4.13), (4.15), (3.18) and

(3.25).

4.3 Model development

In order to model the intrinsic solubility and pH-solubility profile of procaine in buffered aqueous

solutions using the SAFT-γ Mie GC approach, it is necessary to characterize the individual

group parameters of all the compounds involved. The groups required for modelling the neutral

and ionised forms of procaine are shown in Figure 4.3. These are: (2 × CH3, 4 × CH2, 1 × N,

4 × aCH, 1 × aCCOO and 1 × aCNH2) for molecular procaine, replacing the N group in the

latter by N+ for the procaine monocation PC+. The dication of procaine PC2+ is represented

by an additional ionic group aCNH+
3 (replacing the aCNH2 group in PC+), such that the groups

used to model the dication are (2 × CH3, 4 × CH2, 1 × N+, 4 × aCH, 1 × aCCOO and 1

× aCNH+
3 ). The solvent considered for this system is water (1 × H2O) which dissociates to
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produce a hydronium ion (1 × H3O
+) and a hydroxide ion (1 × OH−).

(a)

Procaine, PC

(b)

Procaine monocation, PC+

(c)

Procaine dication, PC2+

Figure 4.3: Chemical structures of the procaine species studied, together with their correspond-
ing SAFT-γ Mie representation. Each of the coloured spheres corresponds to a different group,
and the same group is represented in the same colour in figures of (a) neutral procaine PC, (b)
procaine monocation PC+ and (c) procaine dication PC2+.

The pH of the solutions is varied by adding acidic and basic buffering agents. In particular,

HCl (a strong acid), is used to decrease the pH of the solution and as a source of counter ion.

It is modelled as fully dissociated into its respective ions: H3O
+ and Cl−. Similarly, NaOH (a

strong base) is used as a buffering agent to increase the pH of the solution and is also modelled

as fully dissociated into OH− and Na+.

In the SAFT-γ Mie approach, as outlined in Chapter 2 (cf. Section 2.2), a group k is

characterised by a number ν∗
k of identical spherical segments, a shape factor Sk, the segment

energy of interaction εkk, the segment diameter σkk, the exponents of the Mie potential λr
kk

and λa
kk and, where relevant, the parameters describing any site-site association interactions,

εHB
kk,ab, Kkk,ab, nk,a, nk,b, . . ., nk,NST,k

. For charged groups, two additional parameters are used,

the charge qk and the Born cavity diameter σBorn
kk . The interactions between two groups k and

l of different types are represented analogously by the corresponding unlike parameters εkl,

σkl, λr
kl, λa

kl, εHB
kl,ab and Kkl,ab. Additionally, due to the presence of charged groups, the relative

permittivity, D, is required to complete the description of the system within the SAFT-γ Mie

framework.

In Table 4.1 the SAFT-γ Mie group matrix relevant to the system of interest in this chapter

including the API, solvent and buffering agents is presented. Like and unlike group interactions

are obtained from previous work where applicable [35–37, 39, 42, 43, 150, 167]. In the current
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work we expand the matrix of groups by developing the models for the aCCOO, aCNH2 and

aCNH+
3 groups, including their unlike interaction parameters with other groups present in

the system, as discussed in the following sections. The complete set of SAFT-γ Mie group

parameters used in this chapter can be found in Tables 4.2, 4.3 and 4.4.

Table 4.1: Group interactions required to model procaine in aqueous solutions containing HCl
and NaOH as buffering agents within the SAFT-γ Mie GC approach. Purple shading indicates
parameters obtained in the current chapter, blue shading interactions from previous work [35–
37, 39, 42, 43, 150, 167], grey shading interactions calculated using the combining rules of
Equations (2.36) and (2.40) for uncharged and charged groups, respectively, and yellow shading
interactions developed in Chapter 3.

This chapter
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Table 4.2: SAFT-γ Mie like parameters for the species present in our model. ν∗
k is the number

of segments making up group k, Sk is the shape factor, λr
kk and λa

kk are the repulsive and
attractive exponents of the Mie potential, respectively, σkk is the segment diameter, σBorn

kk is
the Born diameter, εkk is the dispersion energy between two k groups, NST,k is the number of
association site types on group k, with nH,k, ne1,k and ne2,k representing the association sites of
type H, e1 and e2, respectively. †† indicates parameters obtained in this chapter.

Group k ν∗
k Sk σkk/Å σBorn

kk /Å λr
kk λa

kk (εkk/kB)/K NST,k nH,k ne1,k ne2,k ref
H2O 1 1.0000 3.0063 - 17.020 6.0000 266.68 2 2 2 - [37, 38]
CH3 1 0.5726 4.0772 - 15.050 6.0000 256.77 - - - - [35]
CH2 1 0.2293 4.8801 - 19.871 6.0000 473.39 - - - - [35]
N 1 0.1507 3.0755 - 8.8971 6.0000 62.971 1 - 1 - [167]
aCH 1 0.3218 4.0578 - 14.756 6.0000 371.53 1 - 1 - [36]
aCCOO 2 0.6556 3.3851 - 36.616 6.0000 200.00 2 - 2 2 ††
aCNH2 1 0.7152 3.7408 - 17.065 6.0000 670.91 2 2 1 - ††
N+ 1 0.1507 3.0755 3.2908 8.8971 6.0000 62.971 1 1 - - [42, 43]
aCNH+

3 1 0.7152 3.7408 4.0027 17.065 6.0000 397.63 1 3 - - ††
H3O

+ 1 1.0000 3.0063 3.0063 17.020 6.0000 68.181 1 3 - - [150]
Cl− 1 1.0000 3.3400 3.8740 12.000 6.0000 113.76 - - - - [150]
Na+ 1 1.0000 2.3200 3.3600 12.000 6.0000 31.709 - - - - [150]
OH− 1 1.0000 2.4600 3.0063 17.020 6.0000 170.16 1 - 3 - [150]
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Table 4.3: Group dispersion interaction energies εkl and repulsive exponent λr
kl for use with

the SAFT-γ Mie equation of state, taken from the references indicated in the last column.
The unlike segment diameter σkl are taken from the combining rule in Equation (2.35). CR
indicates that combining rules are used to obtain εkl and/or λr

kl using equations (2.36) and/or
(2.37), respectively. †† indicates parameters obtained in this chapter.

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

H2O H2O 266.68 17.020 [37, 38] aCH aCH 371.53 14.756 [36]

H2O CH3 358.18 100.00 [39] aCH aCCOO 468.32 CR ††

H2O CH2 423.63 100.00 [39] aCH aCNH2 564.39 23.276 ††

H2O N 1481.3 21.217 [167] aCH N+ CR CR -

H2O aCH 357.78 38.640 [36] aCH aCNH+
3 CR CR -

H2O aCCOO 339.28 CR †† aCH H3O
+ CR CR [44]

H2O aCNH2 438.284 CR †† aCH Cl− CR CR -

H2O N+ 1481.3 21.217 [42, 43] aCH Na+ CR CR -

H2O aCNH+
3 1382.5 CR †† aCH OH− CR CR -

H2O H3O
+ 391.04 CR [150] aCCOO aCCOO 200.00 36.616 ††

H2O Cl− 95.406 CR [150] aCCOO aCNH2 494.91 CR ††

H2O Na+ 539.68 CR [150] aCCOO N+ CR CR -

H2O OH− 134.41 CR [150] aCCOO aCNH+
3 CR CR ††

CH3 CH3 256.77 15.050 [35] aCCOO H3O
+ CR CR ††

CH3 CH2 350.77 CR [35] aCCOO Cl− CR CR -

CH3 N 462.18 CR [167] aCCOO Na+ CR CR -

CH3 aCH 305.81 CR [36] aCCOO OH− CR CR -

CH3 aCCOO 646.59 18.865 †† aCNH2 aCNH2 670.91 17.065 ††

CH3 aCNH2 464.73 CR †† aCNH2 N+ CR CR -

CH3 N+ 462.18 CR [42, 43] aCNH2 aCNH+
3 CR CR ††

CH3 aCNH+
3 CR CR - aCNH2 H3O

+ CR CR ††

CH3 H3O
+ CR CR - aCNH2 Cl− CR CR -

CH3 Cl− CR CR - aCNH2 Na+ CR CR -

CH3 Na+ CR CR - aCNH2 OH− CR CR ††

CH3 OH− CR CR - N+ N+ 62.971 8.8971 [42, 43]

CH2 CH2 473.39 19.871 [35] N+ aCNH+
3 140.33 CR ††
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Table 4.3 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

CH2 N 348.30 CR [167] N+ H3O
+ 61.250 CR ††

CH2 aCH 415.64 CR [36] N+ Cl− 61.982 CR [42, 43]

CH2 aCCOO 446.39 CR †† N+ Na+ 32.915 CR ††

CH2 aCNH2 497.03 CR †† N+ OH− 58.782 CR ††

CH2 N+ 348.30 CR [42, 43] aCNH+
3 aCNH+

3 397.63 17.065 ††

CH2 aCNH+
3 CR CR - aCNH+

3 H3O
+ 155.38 CR ††

CH2 H3O
+ CR CR - aCNH+

3 Cl− 189.98 CR ††

CH2 Cl− CR CR - aCNH+
3 Na+ CR CR -

CH2 Na+ CR CR - aCNH+
3 OH− CR CR -

CH2 OH− CR CR - H3O
+ H3O

+ 68.181 17.020 [150]

N N 62.971 8.8971 [167] H3O
+ Cl− 70.545 CR [150]

N aCH CR CR - H3O
+ Na+ 37.479 CR [44]

N aCCOO CR CR - H3O
+ OH− 66.420 CR [150]

N aCNH2 CR CR - Cl− Cl− 113.76 12.000 [150]

N N+ CR CR - Cl− Na+ 27.937 CR [150]

N aCNH+
3 CR CR - Cl− OH− 123.21 CR [44]

N H3O
+ CR CR †† Na+ Na+ 31.709 12.000 [150]

N Cl− CR CR - Na+ OH− 27.891 CR [150]

N Na+ CR CR - OH− OH− 170.16 17.020 [150]

N OH− CR CR -

Combining rules, given by Equations (2.35)–(2.39), are sometimes used to estimate unlike

group interactions, given that the like group parameters are known. Additionally, for the

unlike interactions between charged groups, the Hudson and McCoubrey [165] combining rule

(Equation (2.40)) can be used, with the corresponding polarisabilities and ionisation potentials

of the ions found in Tables 3.2 and 4.5.

Additionally, for the mixtures studied in this chapter, the aCNH+
3 and H3O

+ ionic groups

require association interaction parameters (see Tables 4.1 and 4.4). For these groups, we follow



92 Chapter 4. Predicting the pH-dependent solubility of basic diprotic APIs

Table 4.4: Group association energies εHB
kl,ab and bonding volume Kkl,ab for use with the SAFT-γ

Mie EoS. †† indicates parameters obtained in this chapter.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3 ref

H2O H H2O e1 1985.4 101.69 [37, 38]
H2O H N e1 2783.7 15.536 [167]
H2O H aCH e1 563.56 339.61 [36]
H2O H aCCOO e1 1586.2 92.159 ††
H2O H aCCOO e2 1586.2 92.159 ††
H2O e1 aCNH2 H 511.27 250.00 ††
H2O H aCNH2 e1 810.00 2496.8 ††
H2O e1 N+ H 2783.7 15.536 [42, 43]
H2O e1 aCNH+

3 H 2550.8 501.61 ††
H2O e1 H3O

+ H 1985.4 101.69 [150]
H2O H OH− e1 1492.0 76.411 [150]
N e1 H3O

+ H 2783.7 15.536 ††
aCH e1 H3O

+ H 563.56 339.61 [44]
aCCOO e1 aCNH2 H 1095.6 372.29 ††
aCCOO e2 aCNH2 H 1095.6 372.29 ††
aCCOO e1 aCNH+

3 H 1095.6 372.29 ††
aCCOO e2 aCNH+

3 H 1095.6 372.29 ††
aCCOO e1 H3O

+ H 1586.2 92.159 ††
aCCOO e2 H3O

+ H 1586.2 92.159 ††
aCNH2 H aCNH2 e1 700.00 241.64 ††
aCNH2 e1 aCNH+

3 H 700.00 241.64 ††
aCNH2 e1 H3O

+ H 810.00 2496.8 ††
aCNH2 H OH− e1 396.86 194.06 ††
N+ H OH− e1 2098.9 11.714 ††

H3O
+ H OH− e1 1492.0 76.411 [150]

Table 4.5: Values for the polarisabilities α0,k, and ionisation potentials Ik of the charged species
k, taken from the references shown in the last row.

k aCNH+
3 N+

α0,k/
(
10−24 cm3

)
5.3600 1.1000

Ik/eV 9.3200 14.5340
ref [215] [209, 214]

a similar methodology to that adopted by Eriksen et al. [150] given in Equations (3.28) and

(3.29) in Chapter 3, in which the association parameters of the ions are related to their closest

uncharged group, i.e., H2O for H3O
+, and aCNH2 for aCNH+

3 .
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4.3.1 Parameter estimation

In general, to develop a new SAFT-γ Mie group, the group parameters are obtained using

experimental data as part of a parameter-estimation strategy. The determination of group-

interaction parameters is done in a successive manner, where a new group is characterised

based on previously developed group parameters. Then, unlike interaction parameters for

the new group can be obtained. In the SAFT-γ Mie GC approach the contribution of each

functional group is considered to be independent of its position within the molecule, and the

group interactions are transferable across systems. Hence, it is possible to develop groups

separately before combining them to study the system of interest.

In the current work, to estimate the like and unlike interaction parameters for the new

groups aCNH2, aCCOO and aCNH+
3 , we take advantage of the transferability of groups within

the SAFT-γ Mie approach, by using pure and mixture experimental data for the simplest

molecules containing the new groups, i.e., aniline, alkyl benzoates, alkyl 4-aminobenzoates and

anilinium chloride (cf. Figure 4.4). Pure compound vapour pressure, enthalpy of vapourisation,

and saturated liquid density data, as well as mixture excess enthalpy, isothermal vapor-liquid

equilibrium (VLE) (calculated in terms of the bubble and dew pressures), isobaric VLE (calcu-

lated in terms of the bubble and dew temperatures), and liquid-liquid equilibrium (LLE) data

of the simple molecules are used in characterising the aCNH2, aCCOO and aCNH+
3 groups.

To estimate SAFT-γ Mie parameters in our work, a least-squares objective function (cf.

Equation (2.41)) is minimised. The objective function is repeated here for completeness and is

given by

min
Θ

fobj =
NP∑
X=1

ND
X∑

X=1

wX,i

(
Rexp

X,i −Rcalc
X,i (Θ)

Rexp
X,i

)2

, (4.21)

where Θ is the vector of model parameters, NX is the number of property types, ND
X is the

number of experimental data points for property X, Rexp
X,i is the ith measured value of property

p, Rcalc
X,i is the corresponding value calculated by the SAFT-γ Mie EoS and wp,i refers to the the

weight of data point i for property X. Here, we use equal weights for all the data points of all

the properties, i.e., wX,i = 1 , ∀ i,X .
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(a)

Aniline

(b)

Ethyl benzoate

(c)

Butyl 4-aminobenzoate

(d)

Anilinium Chloride

Figure 4.4: Chemical structures of the simplest molecules used in the parameter estimation
of the new SAFT-γ Mie group interactions, together with their corresponding SAFT-γ Mie
representation. Each of the coloured spheres corresponds to a different group, and the same
group is represented in the same colour in figures of (a) aniline, (b) ethyl benzoate, (c) butyl
4-aminobenzoate and (d) anilinium chloride. Alkyl benzoates and alkyl 4-aminobenzoates with
a different alkyl chain length can be represented as in (b) and (c), respectively, using the
corresponding number of CH2 groups.

Given that parameter estimation plays a key role in the application of the SAFT-γ Mie GC

approach, it is important to determine the accuracy of the the theoretical description provided

by the EoS using the newly developed groups. Here, we compare the model calculations to

experimental data for a property X, using the percentage absolute average deviation (%AAD)

and the absolute average deviation (AAD) as given by Equations (2.42) and (2.43), respectively.

In the following sections we outline the successive approach used for the parameter estima-

tion of the new like and unlike interaction parameters of relevance to procaine mixtures studied

in this chapter. We proceed first to characterise the like parameters for the aCNH2 group

together with the aCNH2–aCH unlike interaction parameters using experimental data for pure

aniline and mixtures of aniline + benzene. Similarly, the like interaction parameters for the

new aCCOO group are obtained separately using experimental data for pure alkyl benzoates.

The aCCOO–aCH, aCCOO–CH3 and aCCOO–CH2 unlike interactions are developed simulta-
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neously, due to the presence of the aCH, CH3 and CH2 groups in alkyl benzoates. Following

that, using the newly developed aCNH2 and aCCOO groups, the aCNH2–H2O and aCCOO–

H2O unlike interactions are obtained using aniline + water and alkyl benzoates + water mixture

data, respectively. Additionally, the unlike interactions between the two new groups aCNH2

and aCCOO are characterised using experimental data for pure alkyl-4-aminobenzoates (cf.

Figure 4.4 (c)), which are the simplest molecules containing both groups. The CH3 and CH2

groups are also used to model alkyl-4-aminobenzoates, therefore, the aCNH2–CH3 and aCNH2–

CH2 unlike parameters are developed concurrently. Finally, we consider the development of the

new charged group aCNH+
3 , which is based on the uncharged aCNH2 group. The aCNH+

3 –H2O

unlike interaction parameters are then obtained using experimental mixture data for anilinium

chloride + water.

4.3.2 The aCNH2 group and the aCNH2−aCH unlike interaction

parameters

We start by developing the aromatic amine aCNH2 group which is modelled with one segment

(ν∗
aCNH2

= 1) and two association site types (NST,aCNH2 = 2): two sites of type H (naCNH2,H

= 2) to represent the two hydrogen atoms and one site of type e1 (naCNH2,e1 = 1) to repre-

sent the lone pairs of electrons on the nitrogen atom, where only sites of different types are

allowed to interact (i.e., εHB
aCNH2−aCNH2,e1−e1

= εHB
aCNH2−aCNH2,H−H = 0). Of the remaining like

parameters, λa
aCNH2−aCNH2

= 6 is fixed, and SaCNH2 , σaCNH2−aCNH2 , εaCNH2−aCNH2 , λr
aCNH2−aCNH2

,

εHB
aCNH2−aCNH2,H−e1

and KaCNH2−aCNH2,H−e1 need to be determined.

To estimate the unknown like parameters of the aCNH2 group, we use experimental data

for aniline (Figure 4.4 (a)) which is represented within the SAFT-γ Mie GC approach by (5

× aCH and 1 × aCNH2). Hence, the unlike dispersion energy between aCH and aCNH2,

εaCNH2−aCH, is also determined. The aCH group was previously developed by Dufal et al. [36]

and is modelled with an associating site of type e1 to account for the interaction between the

delocalised electrons in the aromatic ring (e.g., benzene) and a protic solvent (e.g., water). In

our model, we do not account for association between the H site on aCNH2 and the e1 on
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aCH, as it was suggested in literature that hydrogen bond formation through this interaction

is negligible [261, 262].

The seven unknown parameters are estimated by the objective function given in Equation

(4.21) using experimental data of pure aniline vapour pressure, saturated liquid density and

enthalpy of vapourization, as well as excess enthalpy data of mixtures of aniline and benzene.

We note that benzene is represented by (6 × aCH), a group which is present in aniline so

that no additional parameters need to be fitted. The parameters estimated in this section are

presented in Tables 4.6, 4.7 and 4.8, and are also included in Tables 4.2, 4.3 and 4.4 together

with the remaining like and unlike interaction parameters used in this chapter.

Table 4.6: SAFT-γ Mie like parameters developed in Section 4.3.2. ν∗
k is the number of segments

making up group k, Sk is the shape factor, λr
kk and λa

kk are the repulsive and attractive exponents
of the Mie potential, respectively, σkk is the segment diameter, εkk is the dispersion energy
between two k groups, NST,k is the number of association site types on group k, with nH,k and
ne1,k representing the association sites of type H and e1, respectively.

Group k ν∗
k Sk σkk/Å λr

kk λa
kk (εkk/kB)/K NST,k nH,k ne1,k

aCNH2 1 0.71518 3.7408 17.065 6.0000 670.91 2 2 1

Table 4.7: Group dispersion interaction energies εkl and repulsive exponent λr
kl developed in

Section 4.3.2 for use with the SAFT-γ Mie equation of state. The unlike segment diameter σkl

are taken from the combining rule in Equation (2.35).

Group k Group l (εkl/kB)/K λr
kl

aCNH2 aCH 564.39 23.276

Table 4.8: Group association energies εHB
kl,ab and bonding volume Kkl,ab developed in Section

4.3.2 for use with the SAFT-γ Mie EoS.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3

aCNH2 H aCNH2 e1 700.00 241.64

The SAFT-γ Mie calculations using the newly developed aCNH2 group and its optimised

unlike interactions with aCH are compared to experimental data [263–280] considered in the

parameter-estimation procedure in Figure 4.5. The model developed results in an excellent

agreement with experimental data, and it is particularly remarkable that the model can capture

the critical temperature of aniline (Tc = 702.6 ± 3.6 K [281]) (cf. Figure 4.5 (c)) which was

not considered in the parameter estimation.



4.3. Model development 97

(a)

250 300 350 400 450
850

900

950

1,000

1,050

T / K

ρ
sa

t
/
k
g
m

−
3

(b)

10−6

10−5

10−4

10−3

10−2

10−1

100

101

250 325 400 475 550 625 700

T / K

P
v
a
p
/
M
P
a

(c)

0

10

20

30

40

50

60

70

250 350 450 550 650 750

T / K

∆
h
v
a
p
/
k
J
m
ol

−
1

(d)

0.0 0.2 0.4 0.6 0.8 1.0
0

150

300

450

600

750

900

xBenzene

h
E
/
J
m
o
l−

1

323.15 K
308.15 K
298.15 K

Figure 4.5: (a) Saturated density ρsat, (b) vapour pressure Pvap and (c) vaporization enthalpy
∆hvap of pure aniline and (d) excess enthalpy hE of mixtures of aniline + benzene at P = 0.101
MPa. The curves correspond to the SAFT-γ Mie calculations and the symbols represent the
experimental data [263–280] used for parameter estimation. The blue cross in (c) corresponds
to the critical temperature of aniline [281] which was not used for the estimation of parameters.

In order to assess the validity of the model, we consider the prediction of thermodynamic

properties not included in the parameter estimation. The SAFT-γ Mie predictions of the liquid-

phase density and isobaric VLE of mixtures of aniline + benzene are compared to experimental

data [276, 282, 283] in Figure 4.6. As shown in the figure, very good agreement between the

model predictions and experimental data is obtained. It can be noted in Figure 4.6 (a) that

the deviation of the model increases for higher concentrations of benzene, perhaps indicating

that the aCH group parameters need to be refined.

The high accuracy of the developed model is also demonstrated in the low %AAD values

(%AAD < 5 for all properties) given in Table 4.9. We note the especially low %AAD values

(%AAD < 1) for the aniline + benzene mixture density, bubble temperature and dew temper-
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Figure 4.6: (a) Liquid-phase density ρliq and (b) (T − x) isobars of binary mixtures of aniline
+ benzene at P = 0.101 MPa. The curves correspond to the SAFT-γ Mie calculations and
the symbols represent the experimental data [276, 282, 283] used for model validation, as these
were not considered in the parameter estimation.

ature, which were not included in the estimation of parameters.

Table 4.9: Overview of the accuracy of the SAFT-γ Mie GC approach using the newly developed
aCNH2 group and the aCNH2 − aCH unlike interactions in the calculation of the saturated
liquid density ρsat, vapor pressure Pvap and vaporization enthalpy ∆hvap for pure aniline, and
the excess enthalpy hE at P = 0.101 MPa, liquid density ρliq at P = 0.101 MPa, bubble
temperature Tbub and dew temperature Tdew for binary mixtures of aniline and benzene. The
experimental data considered in the parameter estimation and model validation are taken from
the references indicated.

Parameter estimation
System Property X T / K ND

X %AAD [X ] AAD [X ] ref
Aniline ρsat / kgm−3 273–453 40 0.49 4.86 [263–268]
Aniline Pvap / MPa 288–695 45 2.80 0.025 [269–272]
Aniline ∆hvap / kJmol−1 273–673 17 1.95 0.61 [273–275]

Aniline + benzene hE / Jmol−1 298–323 92 4.49 19.98 [276–280]
Model validation

System Property X T / K ND
X %AAD [X ] AAD [X ] ref

Aniline + benzene ρliq / kgm−3 293–303 32 0.87 8.16 [276, 282]
Aniline + benzene Tbub / K 293–303 21 0.46 1.79 [283]
Aniline + benzene Tdew / K 293–303 21 0.30 1.16 [283]
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4.3.3 The aCNH2−H2O unlike interaction parameters

In order to study the solubility of procaine in water using the SAFT-γ Mie GC approach, the un-

like interactions between H2O and the groups used to represent procaine need to be determined.

In the current work, the aCNH2 − H2O unlike interaction parameters are determined using the

previously developed aCNH2 (Section 4.3.2) and H2O [37, 38] groups. A total of six unlike

interaction parameters need to be determined between the two groups , namely: εaCNH2−H2O,

λr
aCNH2−H2O

, εHB
aCNH2−H2O,H−e1

, KaCNH2−H2O,H−e1 , εHB
aCNH2−H2O,e1−H and KaCNH2O−H2O,e1−H. In this

model, the repulsive exponent λr
aCNH2−H2O

is calculated by combining rules (cf. Equation

(2.37)). Experimental liquid-phase density and, isobaric (at 0.101 MPa) and isothermal (at

373 K) VLE data for aniline + water mixtures are used in Equation (4.21) to determine the

remaining parameters. Consequently, to assess the accuracy of the developed model, we com-

pare the predictions of the phase diagrams (VLE and LLE) of aniline + water mixtures at

temperature and pressure ranges not used for the estimation of parameters. The optimized

unlike parameters can be found in Tables 4.10 and 4.11, and are also included in Tables 4.3

and 4.4 together with the remaining unlike interaction parameters used in this chapter.

Table 4.10: Group dispersion interaction energies εkl and repulsive exponent λr
kl developed in

Section 4.3.3 for use with the SAFT-γ Mie equation of state. The unlike segment diameter σkl

are taken from the combining rule in Equation (2.35). CR indicates that combining rules are
used to obtain λr

kl using Equation (2.37).

Group k Group l (εkl/kB)/K λr
kl

aCNH2 H2O 438.28 CR

Table 4.11: Group association energies εHB
kl,ab and bonding volume Kkl,ab developed in Section

4.3.3 for use with the SAFT-γ Mie equation of state.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3

aCNH2 H H2O e1 511.27 250.00
aCNH2 e1 H2O H 810.00 2496.8

The SAFT-γ Mie calculations using the newly developed aCNH2 − H2O unlike interactions

show very good agreement to experimental data in terms of the density [284] and the phase
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behaviour [285–290] of aniline + water mixtures in Figure 4.7. As can be seen in the insets

of Figures 4.7 (b)–(e), the SAFT-γ Mie model predicts the formation of a heteroazeotrope in

aniline + water mixtures in the water-rich regions of the isobaric and isothermal phase dia-

grams. This finding is validated by experimental data [288] reported at 0.09893 MPa (inset

in Figure 4.7 (c)), which is outstanding given that this data was not considered in the param-

eter estimation procedure. Additionally, the model predicts the occurrence of a liquid-liquid

phase separation (LLE) for these mixtures in Figures 4.7 (b)–(e), which is validated by the

experimental data [289, 290] reported at 0.101330 MPa for T < 372 K as shown in Figure 4.7

(b). The SAFT-γ Mie approach provides a qualitative prediction of the LLE in the figure,

showing an excellent agreement with experimental data for the composition of aniline in the

water-rich region of the phase diagram; although, the model overpredicts the mole fraction of

aniline in the organic-rich region of the diagram. In the case of the isothermal phase diagram

at 373 K (Figure 4.7 (e)), the LLE region is predicted for the binary mixture of aniline and

water with the corresponding three-phase vapor-liquid-liquid equilibrium (VLLE) occurring at

0.10133 MPa. Similarly, an LLE region is predicted in the isobaric phase diagrams of the binary

mixture at 0.09893 MPa and 0.09933 MPa, with a triple phase coexistence at 372.0 K for the

two isobars as shown in Figures 4.7 (c) and (d), respectively. We note that the accuracy of the

model predictions of the LLE regions in Figures 4.7 (c), (d) and (e) could not be assessed due

to the absence of experimental data for this phase equilibrium at these conditions.

In terms of %AAD and AAD, it is reassuring to note in Table 4.12 the small deviations of

the model from experimental data for all the thermodynamic properties considered. It should

be noted that, the high %AAD values evident in the table for the LLE compositions of aniline

in the water-rich xaq
A and organic-rich xorg

A regions of the phase diagram (Figure 4.7 (b)), are

due to the division by a small number (< 1) in Equation (2.42); therefore, the AAD is more

reliable in assessing the accuracy of the model for these properties.
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Figure 4.7: (a) Liquid-phase density ρliq at P = 0.10133 MPa; (T − x) isobars at (b) P =
0.10133 MPa, (c) P = 0.09893 MPa, (d) P = 0.09933 MPa; and (e) (P − x) isotherms at T
= 373.15 K of binary mixtures of aniline + water . The curves correspond to the SAFT-γ
Mie calculations, the symbols represent the experimental data used for parameter estimation
(filled) [284–287] and those not used (unfilled) [287–290].

4.3.4 The aCCOO group and its unlike interactions aCCOO−aCH,

aCCOO−CH2 and aCCOO−CH3

The aromatic ester aCCOO group is modelled with two segments (ν∗
aCCOO = 2) and two asso-

ciation site types (NST,aCCOO = 2): two sites of type e1 (naCCOO,e1 = 2) corresponding to the
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Table 4.12: The percentage average absolute deviation %AAD and the absolute average devi-
ation AAD between the SAFT-γ Mie calculations and experimental data of the liquid-phase
density ρliq, bubble and dew temperatures (Tbub, Tdew), bubble and dew pressures (Pbub, Pdew),
and composition of aniline at the corresponding aniline-water LLE in the water-rich xaq

A and
organic-rich xorg

A regions of the phase diagram (Figure 4.7 (b)) for mixtures of aniline and water.
The SAFT-γ Mie calculations are performed using the newly developed aCNH2 − H2O unlike
interaction parameters, and the experimental data considered in the parameter estimation and
model validation are taken from the references indicated in the last column.

Parameter estimation
Property X P / MPa T / K ND

X %AAD [X ] AAD [X ] ref

ρliq / kg m−3 0.10133 286–303 18 0.28 2.84 [284]
Tbub / K 0.10133 370–422 10 1.19 4.72 [285, 286]
Tdew / K 0.10133 370–422 10 2.35 5.18 [285, 286]

Pbub / MPa 0.0092–0.0924 373.15 12 4.28 1.20 ×10−3 [287]
Pdew / MPa 0.0092–0.0924 373.15 12 5.22 2.09 ×10−3 [287]

Model validation
Property X P / MPa T / K ND

X %AAD [X ] AAD ref

Tbub /K 0.09893–0.09933 374–416 18 0.91 3.71 [287, 288]
Tdew / K 0.09893–0.09933 441–416 16 1.36 5.41 [287, 288]

xaq
A 0.10133 298–370 6 26.19 1.95 ×10−3 [289, 290]

xorg
A 0.10133 298–370 6 20.62 1.53 ×10−1 [289, 290]

lone pairs of electrons on one oxygen atom and two sites of type e2 (naCCOO,e2 = 2) to represnet

the lone pairs of electrons on the second oxygen atom. Thus, self association between aCCOO

groups is not considered. The attractive exponent of aCCOO λa
aCCOO−aCCOO = 6 is fixed, while

the remaining like parameters, SaCCOO, σaCCOO−aCCOO, εaCCOO−aCCOO and λr
aCCOO−aCCOO, need

to be determined.

Here, we use pure and mixture experimental data for alkyl benzoates (C6H5CO2CnH2n+1

for n = 1, 2, 3 and 4), namely: methyl benzoate (n = 1), ethyl benzoate (n = 2), propyl

benzoate (n = 3) and butyl benzoate (n = 4), to estimate the like interaction parameters of

the aCCOO group using the objective function in Equation (4.21). These alkyl benzoates are

represented in the SAFT-γ Mie framework by (5 × aCH, 1 × aCCOO, 1 × CH3 and (n – 1) ×

CH2) (cf. Figure 4.4 (b)). Therefore, we additionally determine the unlike interaction param-

eters of aCCOO–aCH, aCCOO–CH3 and aCCOO–CH2, which are: εaCCOO−aCH, λr
aCCOO−aCH,

εaCCOO−CH3 , λr
aCCOO−CH3

, εaCCOO−CH2 and λr
aCCOO−CH2

. To estimate the like and unlike inter-
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action parameters of aCCOO, we use experimental data of the vapour pressure and saturated

liquid density of pure methyl-, ethyl-, propyl- and butyl benzoate, the enthalpy of vapourization

of pure methyl- and ethyl benzoate, together with the excess enthalpy data of methyl benzoate

+ benzene and ethylbenozoate + benzene mixtures. The parameters estimated in this section

are presented in Tables 4.13 and 4.14, and are also included in Tables 4.2 and 4.3 together with

the remaining like and unlike interaction parameters used in this chapter.

Table 4.13: SAFT-γ Mie like parameters developed in Section 4.3.4. ν∗
k is the number of

segments making up group k, Sk is the shape factor, λr
kk and λa

kk are the repulsive and attractive
exponents of the Mie potential, respectively, σkk is the segment diameter, εkk is the dispersion
energy between two k groups, NST,k is the number of association site types on group k, with
ne1,k and ne2,k representing the association sites of type e1 and e2, respectively.

Group k ν∗
k Sk σkk/Å λr

kk λa
kk (εkk/kB)/K NST,k ne1,k ne2,k

aCCOO 2 0.65563 3.3851 36.616 6.0000 200.00 2 2 2

Table 4.14: Group dispersion interaction energies εkl and repulsive exponent λr
kl for use with the

SAFT-γ Mie equation of state. The unlike segment diameter σkl are taken from the combining
rule in Equation (2.35). CR indicates that combining rules are used to obtain λr

kl using Equation
(2.37).

Group k Group l (εkl/kB)/K λr
kl

aCCOO aCH 468.32 CR
aCCOO CH2 446.39 CR
aCCOO CH3 646.59 18.865

The SAFT-γ Mie calculations using the newly characterised aCCOO group and its unlike

interaction parameters with aCH, CH2 and CH3 are compared to experimental data [264,

270, 291–302] of alkyl benzoates in Figure 4.8, in which a good agreement is observed for

all properties. The SAFT-γ Mie calculations of the thermodynamic properties of pure alkyl

benzoates follow the same trend as experiments, i.e., decreasing liquid density (Figure 4.8 (a)),

decreasing vapour pressure (Figure 4.8 (b)) and increasing enthalpy of vaporisation (Figure

4.8 (c)) with increasing chain length. Additionally, we note the accuracy of the model for

the excess enthalpy of ethyl benzoate + benzene mixtures in Figure 4.8 (e), where the model

captures the inflection in experimental data and the negative enthalpy values for xBenzene <

0.2. Furthermore, to asses the robustness of the model developed we predict thermodynamic

properties not considered in the parameter estimation procedure. In particular, we predict
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the liquid-phase density of methyl benzoate + benzene (Figure 4.8 (f)) and ethyl benzoate

+ benzene (Figure 4.8 (g)) mixtures , which are shown to be in qualitative agreement with

experimental data.

The performance of the model is also assessed in terms of the %AAD and AAD in Table

4.15. The agreement between experimental data and the SAFT-γ Mie calculations, in terms of

%AAD, is generally lower than 7 % for the pure compounds’ saturated density and enthalpy of

vaporization, and for the liquid-phase density of the mixtures. Larger deviations are evident,

however, for the vapour pressure of the pure compounds (e.g., 14.94% for ethylbenozate) and

the excess enthalpy of the mixtures (e.g. 19.23% for methyl benzoate + benzene). The larger

deviations for vapour pressure are due to the wide range of pressures considered, ranging from

an order of magnitude of 10−5 to 10−1 MPa. At very low pressure values, a high uncertainty

in the experimental measurements and an increased sensitivity to the group parameters, is

expected, resulting in a larger relative deviation (%ADD). Analogously, the large %AADs

obtained for the excess enthalpy of the mixtures are due to the very low enthalpy values of these

mixtures, for which higher uncertainties in the experimental measurements are probable. For

these properties, it is useful to consider the absolute deviations (AAD) for an overall assessment

of the accuracy of the model. The AAD for the vapour pressure of pure alkylbenozates and the

excess enthalpy of mixtures with benzene are shown to be relatively low. Therefore, based on

the overall assessment of the model in Figure 4.8 and Table 4.15, the newly developed aCCOO

group and its unlike interactions aCCOO–aCH, aCCOO–CH3 and aCCOO–CH2 are considered

satisfactory.

4.3.5 The aCCOO−H2O unlike interaction parameters

The unlike interaction parameters between the aCCOO group, developed in the previous sec-

tion, and the H2O group developed by Dufal et al. [37, 38], are required in order to study the

solubility of procaine in water using the SAFT-γ Mie GC approach. The aCCOO− H2O un-

like interaction parameters to be determined are: εaCCOO−H2O, λr
aCCOO−H2O

, εHB
aCCOO−H2O,e1−H,

KaCCOO−H2O,e1−H, εHB
aCCOO−H2O,e2−H and KaCCOOO−H2O,e2−H. In this model, the repulsive expo-
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Figure 4.8: (a) Saturated density ρsat, (b) vapour pressure Pvap and (c) vaporization enthalpy
∆hvap of pure alkyl benzoates; (d) excess enthalpy hE of binary mixtures of methyl benzoate
+ benzene at T = 303.15 K and P = 0.101 MPa; (e) excess enthalpy hE of binary mixtures of
ethyl benzoate + benzene at T = 298.15 K and P = 0.101 MPa; (f) liquid-phase density ρliq of
binary mixtures of methyl benzoate + benzene at T = 298.15 K and P = 0.101 MPa; and (g)
liquid-phase density ρliq of binary mixtures of ethyl benzoate + benzene at P = 0.101 MPa. The
curves correspond to the SAFT-γ Mie calculations, the symbols represent the experimental data
used for parameter estimation (filled) [264, 270, 291–299] and those not used (unfilled) [300–
302].
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Table 4.15: Overview of the accuracy of the SAFT-γ Mie GC approach using the newly de-
veloped aCCOO group and its unlike interaction parameters aCCOO− aCH, aCCOO− CH2

and aCCOO− CH3 in the calculation of the saturated liquid density ρsat, vapor pressure Pvap

and vaporization enthalpy ∆hvap for pure methyl-, ethyl-, propyl- and butyl benzoate, and the
excess enthalpy hE and liquid density ρliq at P = 0.101 MPa for binary mixtures of methyl
benzoate + benzene and ethyl benzoate + benzene. The experimental data considered in the
parameter estimation and model validation are taken from the references indicated.

Parameter estimation
System T / K ND

X %AAD ρsat AAD ρsat / kgm−3 ref

Methyl benzoate 273–360 13 4.15 42.21 [264, 291]
Ethyl benzoate 297–473 15 4.58 44.66 [264, 291]
Propyl benzoate 289–323 11 2.18 21.87 [291, 292]
Butyl benzoate 283–323 5 1.66 16.56 [292]

System T / K ND
X %AAD Pvap AAD ×103 Pvap / MPa ref

Methyl benzoate 358–501 14 15.23 6.58 [270, 293, 294]
Ethyl benzoate 318–531 15 14.94 4.47 [294, 295]
Propyl benzoate 359–504 16 4.71 1.00 [291, 293]
Butyl benzoate 374–523 16 8.72 2.08 [293, 296]

System T / K ND
X %AAD ∆hvap AAD ∆hvap / kJmol−1 ref

Methyl benzoate 298–500 9 5.89 2.87 [294]
Ethyl benzoate 298–520 16 6.02 3.25 [294, 297]

System T / K ND
X %AAD hE AAD hE / J mol−1 ref

Benzene + methyl benzoate 303.15 8 19.23 15.53 [298]
Benzene + ethyl benzoate 298.15 12 41.93 5.53 [299]

Model validation
System T / K ND

X %AAD ρliq AAD ρliq / kg m−3 ref

Benzene + methyl benzoate 298.15 10 1.81 2.87 [300]
Benzene + ethyl benzoate 298.15–323.15 29 2.57 24.66 [301, 302]

nent λr
aCCOO−H2O

is calculated by combining rules (Equation (2.37)), and a symmetric associ-

ation scheme is used, such that, εHB
aCCOO−H2O,e1−H = εHB

aCCOO−H2O,e2−H and KaCCOO−H2O,e1−H =

KaCCOO−H2O,e2−H.

Experimental LLE data of alkyl benzoates in water [303, 304] are used in the parameter es-

timation (cf. Equation (4.21)) of the aCCOO-H2O unlike interaction parameters. The SAFT-γ

Mie calculations of the LLE of methylbenozate + water and ethyl benzoate + water mixtures at

0.10133 MPa are compared to experimental data in Figure 4.9. As shown in the figure, excellent

agreement to experimental data is obtained in the water- and organic-rich regions of the phase

diagrams. The accuracy of the model is also demonstrated by the low %AAD and AAD for the
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liquid-phase compositions of the two alkylbenozoates in Table 4.16. Additionally, a VLE region

is predicted by the SAFT-γ Mie GC approach for aqueous mixtures of methyl benzoate and

ethyl benzoate at T > 372.70 K and T > 373.15 K, respectively. Moreover, the insets in Figures

4.9 (a) and (b) show the model prediction of a heteroazeotrope at xmethylbenzoate = 0.0322 and

xethylbenzoate = 0.0164 for the methyl benzoate + water and ethyl benzoate + water mixtures,

respectively.

The optimized aCCOO–H2O unlike parameters can be found in Tables 4.17 and 4.18, and

are also included in Tables 4.3 and 4.4 together with the remaining unlike interaction parameters

used in this chapter.
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Figure 4.9: (T−x) isobars at atmospheric pressure of binary mixtures of (a) methyl benzoate +
water and (b) ethyl benzoate + water. The curves correspond to the SAFT-γ Mie calculations
and the symbols represent the experimental data [303, 304] used for parameter estimation.

4.3.6 The aCNH2−aCCOO, aCNH2−CH2 and aCNH2−CH3 unlike

interaction parameters

To complete the set of unlike interactions required to describe neutral procaine using the

SAFT-γ Mie GC approach, the unlike interaction parameters between the newly developed

aCNH2 (Section 4.3.2) and aCCOO (Section 4.3.4) groups need to be determined. Specifically,

εaCNH2−aCCOO, λr
aCNH2−aCCOO, εHB

aCNH2−aCCOO,H−e1
, KaCNH2−aCCOO,H−e1 , εHB

aCNH2−aCCOO,H−e2
and

KaCNH2−aCCOO,H−e2 are required. Here, the repulsive exponent λr
aCNH2−aCCOO is calculated by
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Table 4.16: The percentage average absolute deviation %AAD and the absolute average devia-
tion AAD between the SAFT-γ Mie calculations and experimental data of the composition of
alkybenzoates at the corresponding alkylbenzoate-water LLE in the water-rich xaq

1 and organic-
rich xorg

1 regions of the phase diagram (Figure 4.9) for mixtures of methylbenzoate + water and
ethylbenzoate + water. The SAFT-γ Mie calculations are performed using the newly devel-
oped aCCOO− H2O unlike interaction parameters, and the experimental data considered in
the parameter estimation are taken from the references indicated in the last column.

Parameter estimation
System s (1 + 2) T / K P / MPa ND

X %AAD xaq
1 AAD ×105 xaq

1 ref

Methylbenzoate + water 273–363 0.101 10 11.89 4.07 [303]
Ethylbenzoate + water 273–363 0.101 10 18.01 2.61 [303, 304]

System s (1 + 2) T / K P / MPa ND
X %AAD xorg

1 AAD xorg
1 ref

Methylbenzoate + water 273–363 0.101 10 1.32 0.012 [303]
Ethylbenzoate + water 273–333 0.101 8 4.58 0.017 [303, 304]

Table 4.17: Group dispersion interaction energies εkl and repulsive exponent λr
kl developed in

Section 4.3.5 for use with the SAFT-γ Mie equation of state. The unlike segment diameter σkl

is taken from the combining rule in Equation (2.35). CR indicates that combining rules are
used to obtain λr

kl using Equation (2.37).

Group k Group l (εkl/kB)/K λr
kl

aCCOO H2O 339.28 CR

Table 4.18: Group association energies εHB
kl,ab and bonding volume Kkl,ab developed in Section

4.3.5 for use with the SAFT-γ Mie equation of state.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3

aCCOO e1 H2O H 1586.2 92.158
aCCOO e2 H2O H 1586.2 92.158

combining rules. The remaining parameters are estimated by minimizing the objective func-

tion in Equation (4.21) and using saturated liquid density correlated experimental data from

NIST [281] for pure alkyl 4-aminobenzoates (C6H4NH2CO2CnH2n+1 for n = 3, 4, 5, 6, 7 and 8),

which are modelled as (4 × aCH, 1 × aCCOO, 1 ×aCNH2, 1 × CH3 and (n – 1) × CH2 ) in the

SAFT-γ Mie framework. According to the groups used to model the alkyl 4-aminobenzoates,

the unlike interactions between the aCNH2 and, CH2 and CH3 groups can be refined together

with the aCNH2 − aCCOO interactions; therefore, two additional parameters are estimated,

namely: εaCNH2−CH2 and εaCNH2−CH3 . The repulsive exponents λr
aCNH2−CH2

and λr
aCNH2−CH3

are

obtained using combining rules; such that a total of seven parameters remain to be obtained.
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To reduce the number of parameters that need to be estimated, we consider a symmetric as-

sociation scheme for the association interactions between the aCNH2 and aCCOO groups, i.e.,

εHB
aCNH2−aCCOO,H−e1

= εHB
aCNH2−aCCOO,H−e2

and KaCNH2−aCCOO,H−e1 = KaCNH2−aCCOO,H−e1 . The

parameters determined in this section are presented in Tables 4.19 and 4.20, and are also in-

cluded in Tables 4.3 and 4.4 together with the remaining unlike interaction parameters used in

this chapter.

Table 4.19: Group dispersion interaction energies εkl and repulsive exponent λr
kl developed in

Section 4.3.6 for use with the SAFT-γ Mie equation of state. The unlike segment diameters σkl

calculated with the combining rule in Equation (2.35). CR indicates that combining rules are
used to obtain λr

kl using Equation (2.37).

Group k Group l (εkl/kB)/K λr
kl

aCNH2 aCCOO 494.91 CR
aCNH2 CH2 497.03 CR
aCNH2 CH3 464.73 CR

Table 4.20: Group association energies εHB
kl,ab and bonding volume Kkl,ab developed in Section

4.3.6 for use with the SAFT-γ Mie equation of state.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3

aCNH2 H aCCOO e1 1095.6 372.29
aCNH2 H aCCOO e2 1095.6 372.29

In Figure 4.10, we show the comparison between experimental data and SAFT-γ Mie cal-

culations for the saturated liquid density of propyl-, butyl-, pentyl-, hexyl-, heptyl- and octyl

4-aminobenzoates. The model provides a qualitatively correct description of the saturated

liquid density of the alkyl 4-aminobenzoates, although the theory is found to underestimate

the saturated density of the pure compounds. However, the SAFT-γ Mie calculations remain

within the uncertainty limits of the data at low temperatures (≤ 360 K). Furthermore, the

%AAD and AAD for the saturated liquid density of the alkyl 4-aminobenzoates (Table 4.21)

indicate an increase in the deviation of the model from experimental data with increasing alkyl

chain length. The relatively high deviations observed are due to the large uncertainties in ex-

perimental data, which are higher for longer alkyl 4-aminobenzoates. Hence, a proper analysis

of the performance of the model in terms of %AAD and AAD is not possible.
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Figure 4.10: Saturated density ρsat of alkyl-4-aminobenzoates. The curves correspond to the
SAFT-γ Mie calculations, the symbols represent NIST correlations [281] used for parameter
estimation and the error bars represent the uncertainty in the experimental data.

Table 4.21: Overview of the accuracy of the SAFT-γ Mie GC approach using the newly de-
veloped unlike interaction parameters aCNH2 − aCCOO, aCNH2 − CH2 and aCNH2 − CH3 in
the calculation of the saturated liquid density ρsat for pure alkyl 4-aminobenzoates. The exper-
imental data considered in the parameter estimation are taken from the references indicated in
the last column.

System T / K ND
X %AAD ρsat AAD ρsat / kg m−3 ref

Propyl 4-aminobenzoate 346–790 24 7.00 51.07 [281]
Butyl 4-aminobenzoate 329–797 15 10.96 90.09 [281]
Pentyl 4-aminobenzoate 326–805 16 10.10 79.24 [281]
Hexyl 4-aminobenzoate 334–812 16 12.12 94.17 [281]
Heptyl 4-aminobenzoate 349–819 15 13.41 106.97 [281]
Octyl 4-aminobenzoate 345–826 16 14.63 116.71 [281]

Given the lack of experimental data with lower uncertainties, we consider that the the newly

developed aCNH2–aCCOO, aCNH2–CH2 and aCNH2–CH3 unlike interaction parameters are

satisfactory. Further refinement of these models will be necessary when new experimental data

become available.
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4.3.7 The aCNH+
3 group and the aCNH+

3 −H2O unlike interaction

parameters

In order to model the second ionisation of procaine, the aCNH+
3 group and the aCNH+

3 − H2O

unlike interactions are needed. A SAFT-γ Mie model for the aCNH+
3 group is developed here

based on the uncharged aromatic amine group (aCNH2) characterised in Section 4.3.2. As-

suming that the overall shape of the aCNH2 group does not change considerably on gaining

a proton, the number of spherical segments ν∗
aCNH+

3

, shape factor SaCNH+
3
, segment diame-

ter σaCNH+
3 −aCNH+

3
, attractive and repulsive exponents of the Mie potential λa

aCNH+
3 −aCNH+

3

and

λr
aCNH+

3 −aCNH+
3

, respectively, of the aCNH2 group are used to model aCNH+
3 , with the addition

of a positive charge to the group (zk = +1). The Born diameter, σBorn
aCNH+

3 −aCNH+
3

, is calcu-

lated as a 7% increase in the diameter of the ion σaCNH+
3 −aCNH+

3
according to the proposition of

Rashin and Honig [219], i.e., σBorn
aCNH+

3 −aCNH+
3

= 1.07σaCNH+
3 −aCNH+

3
. The like dispersion energy be-

tween aCNH+
3 groups εaCNH+

3 −aCNH+
3

is calculated using Equation (2.40) with the polarisability

α0,aCNH+
3

and ionisation potential IaCNH+
3

as reported in Table 4.5. The aCNH+
3 group is mod-

elled with three H proton-donor sites corresponding to each of the hydrogen atoms [305, 306].

No self-association between aCNH+
3 groups is considered as no e-type sites are assigned for the

ion. The aCNH+
3 group parameters deteremined in this section are reported in Table 4.22.

Table 4.22: SAFT-γ Mie like parameters developed in Section 4.3.7. ν∗
k is the number of

segments making up group k, Sk is the shape factor, λr
kk and λa

kk are the repulsive and attractive
exponents of the Mie potential, respectively, σkk is the segment diameter, σBorn

kk is the Born
diameter, εkk is the dispersion energy between two k groups, NST,k is the number of association
site types on group k, with nH,k representing the association sites of type H.

Group k ν∗
k Sk σkk/Å σBorn

kk /Å λr
kk λa

kk (εkk/kB)/K NST,k nH,k

aCNH+
3 1 0.71518 3.7408 4.0027 17.065 6.0000 397.63 1 3

To characterise the unlike interaction parameters between aCNH+
3 and H2O, a parameter-

estimation procedure is implemented. A total of four unlike interaction parameters need to

be determined, namely: εaCNH+
3 −H2O

, λr
aCNH+

3 −H2O
, εHB

aCNH+
3 −H2O,H−e1

and KaCNH+
3 −H2O,H−e1

. In

our model, the repulsive exponent λr
aCNH+

3 −H2O
is calculated by combining rules (cf. Equation

(2.37)) and the remaining parameters are estimated using experimental liquid-phase density
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data for anilinium chloride + water mixtures. In the SAFT-γ Mie framework, anilinium chloride

is modelled as a strong electrolyte which is fully dissociated into anilinium (5 × aCH and 1

×aCNH+
3 ) and chloride (1 ×Cl−) ions (cf. Figure 4.4 (d)). We note, that the unlike dispersion

energy between the aCNH+
3 group and the aCH and Cl− groups are calculated by the combining

rules given in Equations (2.36) and (2.40), respectively. The unlike parameters developed in

this section can be found in Tables 4.23 and 4.24, and are also included in Tables 4.3 and 4.4

together with the remaining unlike interaction parameters used in this chapter.

Table 4.23: Group dispersion interaction energies εkl and repulsive exponent λr
kl developed in

Section 4.3.7 for use with the SAFT-γ Mie equation of state. The unlike segment diameter σkl

is calculated from the combining rule in Equation (2.35). CR indicates that combining rules
are used to obtain λr

kl using Equation (2.37).

Group k Group l (εkl/kB)/K λr
kl

aCNH+
3 H2O 1382.5 CR

Table 4.24: Group association energies εHB
kl,ab and bonding volume Kkl,ab developed in Section

4.3.7 for use with the SAFT-γ Mie equation of state.

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3

aCNH+
3 H H2O e1 2550.8 501.61

The SAFT-γ Mie calculations using the newly developed aCNH+
3 group and its optimised

interaction parameters with H2O are compared to the experimental liquid-phase density data

of anilinium chloride and water mixtures [307] in Figure 4.11. The model developed leads to an

excellent agreement to experimental data at all temperatures, including those not considered

in the parameter estimation procedure (indicated by open symbols in the figure). The high-

level of accuracy obtained by the model is also demonstrated by the low deviations reported

in Table 4.25. The AADs follow the same trend as the %AADs for the liquid-phase density of

the mixture, with the highest AAD and %AAD found to be at 333.2 K corresponding to 3.95

kgm−3 and 0.4%, respectively.
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Figure 4.11: Liquid-phase density ρliq of anilinium chloride (AnCl) + water mixtures at P =
0.101 MPa and the given temperatures. The curves correspond to the SAFT-γ Mie calculations,
the symbols represent the experimental data [307] used for parameter estimation (filled) and
those not used (unfilled).

Table 4.25: Overview of the accuracy of the SAFT-γ Mie GC approach using the newly devel-
oped aCNH+

3 group and its unlike interaction parameters aCNH+
3 − H2O in the calculation of

the liquid-phase density ρliq for binary mixtures of anilinium chloride and water. The experi-
mental data considered in the parameter estimation and model validation are taken from the
references indicated.

Parameter estimation
T / K P / MPa ND

X %AAD ρliq AAD ρliq / kgm−3 ref

298.2 0.101 8 0.085 0.87 [307]
312.2 0.101 8 0.087 0.89 [307]
343.2 0.101 9 0.36 3.61 [307]
363.2 0.101 9 0.27 2.71 [307]

Model Validation
T / K P / MPa ND

X %AAD ρliq AAD ρliq / kgm−3 ref

303.2 0.101 8 0.066 0.67 [307]
323.2 0.101 9 0.20 2.01 [307]
333.2 0.101 9 0.38 3.95 [307]
353.2 0.101 9 0.37 3.70 [307]

4.4 Solubility prediction

The solubility of procaine in aqueous solutions can be predicted using the SAFT-γ Mie GC

approach by incorporating the newly developed groups and their unlike interactions (Tables
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4.2, 4.3 and 4.4) combined with group interactions obtained in previous work [35–37, 39, 42,

43, 150, 167]. First, the solubility of neutral procaine (intrinsic solubility) and that of the

ionised forms of the API are calculated using the model and compared to experimental data

in Figure 4.12. The intrinsic solubility of the API is determined using Equation (4.8) together

with the melting properties reported in Table 4.26. To calculate the solubility of PC+ and

PC2+, pKa1,PC (Equation (4.13)) and pKa2,PC (Equation (4.15)), respectively, are needed. The

equilibrium constants are reported in literature only at 298.15 K (cf. Table 4.26); however, the

temperature dependence of the equilibrium constants is required to calculate the solubility of

the ions at other temperatures. Hence, the van’t Hoff equation (cf. Equation (3.32)) is used

together with the isobaric heat capacity, cp, polynomial of procaine in the liquid phase [281],

cp/JK
−1 mol−1 =− 37.027 + 1.38073(T/K)− 8.9608× 104 (T/K)2 + 2.1243× 10−7 (T/K)3

− 2.47988× 10−20(T/K)4 ,

(4.22)

which is valid in the range of temperatures 200 ≤ T/K ≤ 1000, to evaluate pKa1,PC(T ) and

pKa2,PC(T ).

Table 4.26: Properties of procaine at 298.15 K used for modelling the solid–liquid equilibrium
(SLE) and pH-solubility profile, including: molar melting enthalpies ∆hfus; melting temperature
T fus; dissociation constants pKa; and the solubility product Ksp,AνA

BνB
. * indicates properties

calculated in the current work. The value of the water dissociation constant pKw is added for
completeness.

Property Procaine
Procaine
hydrochloride

Ref.

∆hfus/kJ mol−1 26.1 - [259]
Tm/K 334.15 - [259]
pKa1,PC 9.0 - [258]
pKa2,PC 2.5 - [258]
Ksp,PC−HCl/M

2 - 10.87 *
pKw - - 14.00 [228]

The predicted solubilities of neutral and ionic forms of procaine are shown in Figure 4.12. For

the intrinsic solubility of neutral procaine, the SAFT-γ Mie predictions are compared to three

sets of experimental data [308–310]. It is apparent that there are inconsistencies between the

experimental data, perhaps due to the different measurement techniques used and to standard
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Figure 4.12: Constant-pressure solid–liquid equilibria (at P = 0.101 MPa) of the molecular and
ionised forms of procaine as a function of temperature. The symbols represent experimental
data (triangle [308], circle [309] and square [310]) and the continuous, dotted and dashed curves
represent predictions using the SAFT-γ Mie approach for neutral procaine (PC), procaine
monocation (PC+) and procaine dication (PC2+), respectively.

experimental error. Our predictions of the intrinsic solubility are of the same order of magnitude

as experiments and agree particularly well with the data by Yalkowsky et al. [309]. In the case

of the ionised forms of procaine, the solubility is clearly much lower than the neutral API. The

solubility of PC+ is in the order of magnitude of 10−4 mol/L, increasing with temperature (not

visible in the figure), while the solubility of the dication PC2+ is several orders of magnitude

smaller and is assumed to be negligible.

We now turn our attention to the prediction of the pH-solubility profile of procaine in water

at 298.15 K. In order to model the complete profile, including the salt precipitation at low pH

values, pKa1,PC and pKa2,PC of the base, Ksp1,PC-HCl of the salt and pKw of water, are required,

to be used in Equations (4.13), (4.15), (4.20) and (3.18), respectively. The values of these

constants are listed in Table 4.26.

The predicted pH-solubility profile of procaine in water at 298.15 K is compared to experi-

mental data [260, 308, 310–312] in Figure 4.13. NaOH is used to increase the pH of the solution

above pKa1,PC to a pH of 14.0, while HCl is used as a buffering agent to lower the pH of the
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solution to 1.0 and is also the source of Cl− counter ions in the solution, leading to the forma-

tion of the hydrochloride salt of procaine at low pH [260]. It is evident in the figure that our

SAFT-γ Mie predictions are in good agreement with experimental data. The intrinsic solubility

plateau at high pH, as well as the sharp increase in solubility at pH values lower than pKa1,PC,

caused by the addition of Cl− counter ions, are captured by the model. We note the scarcity

of experimental pH-dependent solubility data for procaine in the literature, perhaps due to the

complex ionisation of the API leading to difficulties in solubility measurements; emphasizing

the importance of predictive tools such as the SAFT-γ Mie GC approach used here.
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Figure 4.13: SAFT-γ Mie group contribution approach predictions of the pH-solubility profile
compared to experimental data of aqueous solutions of procaine at ambient pressure (P = 0.101
MPa) and T = 298.15 K using HCl and NaOH as buffering agents. The symbols represent
experimental data (triangle [308], square [310], circle [311], pentagon [312] and cross [260]) and
the continuous curves represent predictions using the SAFT-γ Mie approach.

The hydrochloride salt of monoprotonated procaine begins to precipitate when Ksp1,PC-HCl

is reached. The thermodynamic solubility product Ksp1,PC-HCl of PC-HCl is calculated based

on the salt solubility measurements reported by Guerrieri et al. [260], using Equation (4.20);

the calculated value is reported in Table 4.26. The pH value at which solid procaine and

its hydrochloride salt can coexist, pHmax,1, obtained from our SAFT-γ Mie prediction is 6.21

(cf. Figure 4.13). We note that, Ksp2,PC(HCl)2
is not used in our model due to the absence of

experimental data for the solubility of the dihydrochloride salt of procaine. It is assumed that
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this salt does not precipitate at pH>pKa2,PC, which corresponds to the range of pH where the

concentration of PC2+ is very low, thus pHmax,2 is not determined. Refinement of the model to

include the solubility product of the dihydrochloride salt of procaine Ksp2,PC(HCl)2
, if it forms,

should be considered, when experimental data become available.

According to the schematic pH-solubility profile for a diprotic base in Figure 4.2 (b) and

to the profiles of other diprotic weak bases in literature [253–257], the pH-solubility pro-

file of procaine in Figure 4.13 is expected to feature another sharp increase in solubility at

pH<pKa2,PC, but this is not predicted by our model. In order to model the increase in solubil-

ity at pH<pKa2,PC, the properties of the salt in the solid state should be accounted for, as it

is the precipitating solid in this pH range, i.e., using Equation (4.8) to calculate the intrinsic

solubility of the salt. To use the solubility equation (Equation (4.8)), the melting properties

of the salt are required in addition to the SAFT-γ Mie groups representing PC-HCl, which are

needed to calculate the activity coefficient of the salt γPC−HCl using the GC approach. The

SAFT-γ Mie groups required for PC-HCl are: (2 × CH3, 4 × CH2, 1 × N, 4 × aCH, 1 ×

aCCOO, 1 × aCNH2 and 1 × HCl) (cf. Figure 4.14). However, the HCl group and its un-

like interaction parameters with other groups are not currently available in the SAFT-γ Mie

groups database and need to be developed. We note that the SAFT-γ Mie groups database

contains the parameters for the H3O+ and Cl− ionic groups, which have been used previously

to model the fully dissociated HCl in an aqueous solution [44, 150]; these groups cannot be

used to model the precipitating PC-HCl solid, as the HCl group does not dissociate in the solid

phase, therefore, a neutral group for HCl is required for this model. Because of this limitation

in the model, the pH-solubility profile of procaine in Figure 4.13 can only be predicted reliably

at pH > pKa2,PC. The development of the complete pH-solubility profile of procaine in water,

including at pH < pKa2,PC, will be the subject of future work.
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Figure 4.14: Chemical structure of procaine hydrochloride (PC-HCl) with its corresponding
SAFT-γ Mie representation. Each of the coloured spheres corresponds to a different group.

4.5 Conclusions

In this chapter, we extend the application of the SAFT-γ Mie approach to model the solubil-

ity and pH-solubility profiles of diprotic APIs. These APIs are known to exhibit significant

solubility enhancement due to changes in the pH of the solution which eventually lead to salt

formation.

We have demonstrated the applicability of the SAFT-γ Mie GC equation of state by pre-

dicting the pH-solubility profile of procaine, a weakly basic diprotic API. In order to represent

the molecular and ionised forms of procaine within the SAFT-γ Mie framework, we have ex-

panded the matrix of groups by introducing three new groups, namely: the aCCOO, aCNH2 and

aCNH+
3 groups, in addition to their unlike interactions aCNH2–aCCOO, aCNH2–aCH, aCNH2–

CH2, aCNH2–CH3, aCCOO–CH2 and aCCOO–CH3. We use previously reported experimental

data for the simplest molecules containing the new groups (i.e., aniline, alkyl benzoates, alkyl

4-aminobenzoates and anilinium chloride) to estimate the like and unlike parameters of the

groups and to assess the accuracy of the predictions of the models developed. Furthermore,

to model the aqueous solubility of procaine as a function of temperature and pH, we develop

the unlike interaction parameters between the new groups and the H2O (water) group, using

experimental data for binary mixtures of each of aniline, alkyl benzoates and anilinium chloride

with water.

Using the newly developed groups together with group interaction parameters obtained in
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previous work, we first present the SAFT-γ Mie intrinsic solid–liquid equilibria (SLE) predic-

tion of procaine in water. The solubility predictions are shown to be in good agreement with

experimental data, which demonstrates the transferability of the SAFT-γ Mie group interac-

tions, considering that no data related to procaine were used to obtain the group interaction

parameters.

A new thermodynamic framework to predict the pH-solubility profile of procaine has also

been developed by extending the model presented for monoprotic APIs in Chapter 3. The pH-

solubility profile of procaine in aqueous solution at 298.15 K using HCl and NaOH as buffering

agents is obtained by combining experimental values for the equilibrium constants (pKa1,PC

and pKa2,PC of the API, Kw of water, and Ksp1,PC-HCl of the hydrochloride salt) with molecular

models using the SAFT-γ Mie GC EoS. Very good agreement with experimental data is obtained

for the pH-dependent solubility of procaine at pH > 2.5 (i.e., pH > pKa2,PC), confirming that

the SAFT-γ Mie approach is a useful predictive tool for the pH-solubility profiles of APIs.

We note that, as a diprotic API, procaine can, in theory, form disalts. However, when

using chloride counter ions, only the procaine hydrochloride salt is reported to form. In our

work, we assume that the dihydrochloide salt does not form, and Ksp2,PC-HCl is not calculated.

Moreover, the pH-solubility profile of procaine at pH < 2.5 was not predicted in our work, due

to unavailability of SAFT-γ Mie group interactions that are required to model the intrinsic

solubility of procaine hydrochloride, which is the precipitating solid in this pH range. This

should be the subject of future work.

The findings from our current work demonstrate the transferability of the SAFT-γ Mie

groups and the applicability of the approach for modelling mixtures of ionisable APIs and

predicting their thermodynamic properties, in particular, the aqueous intrinsic solubility and

pH-solubility profiles of diprotic APIs. Several refinements should be considered in future

studies for modelling the pH-solubility profile of procaine, when experimental data become

available, including: investigating the formation of the dihydrochloride salt of procaine as

well as developing the group interactions required to model the intrinsic solubility of procaine

hydrochloride.



Chapter 5

Thermodynamic modeling of the nature of

speciation and phase behavior of binary

and ternary mixtures of formaldehyde,

water and methanol

After having successfully applied the SAFT-γ Mie group-contribution (GC) approach for the

prediction of the phase behaviour and pH-solubility profile of monoprotic and diprotic small

molecule APIs in Chapters 3 and 4, in this chapter, we demonstrate the applicability of the

GC approach for the phase behaviour prediction of more-complex mixtures of relevance to

the pharmaceutical industry. In particular, we study the fluid-phase equilibrium of mixtures

containing formaldehyde, a common degradation agent produced by some pharmaceutical ex-

cipients during the storage of drug products.

5.1 Introduction

Formaldehyde is an important industrial chemical. There are numerous applications of formalde-

hyde due to its versatility and ability to react with organic and inorganic compounds [313]. In

120
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the pharmaceutical industry, formaldehyde is used as a raw material for the synthesis of various

solvents such as polyethylene glycol (PEG) and glycerol [314–316]. Due to its high reactivity

however, formaldehyde can lead to the rapid degradation of pharmaceutical drug products dur-

ing storage, significantly reducing the shelf-life of the drug [317]. In addition to being present

as an impurity in air, it has been shown that formaldehyde can be generated by some excipients

(e.g., magnesium stearate and lactose) during storage [318], negatively impacting the stability

of drugs.

Pure monomeric formaldehyde is a colourless gas with a pungent smell, and is highly reac-

tive. Due to its high reactivity, it is usually produced, stored, sold, and processed in the form

of aqueous solutions. Methanol is sometimes added to enhance the stability of formaldehyde,

to reduce the amount of water in solution, or to prevent the precipitation of polymers which

may occur at low temperatures [313, 314]. In aqueous and methanolic solutions, formaldehyde

reacts with the solvents to form a variety of reaction products, which only exist in solution

and cannot be isolated. The reaction of formaldehyde with water leads to the formation of

methylene glycol (MG1),

CH2O+H2O ⇀↽ HOCH2OH , (5.1)

and poly(oxymethylene) glycols (MGi),

HO(CH2O)i−1H+HOCH2OH ⇀↽ HO(CH2O)i H+H2O, i > 1 . (5.2)

Similarly, the reaction between formaldehyde and methanol leads to the formation of hemiformal

(HMF1) ,

CH2O+ CH3OH ⇀↽ HOCH2OCH3 , (5.3)

and poly(oxymethylene) hemiformals (HMFi),

HO(CH2O)i−1CH3 +HOCH2OCH3 ⇀↽ HO(CH2O)i CH3 + CH3OH, i > 1 . (5.4)

In formaldehyde + water + methanol mixtures, the four reactions take place simultaneously.

These reactions can occur in the liquid and vapour phase, depending on the operating conditions



122 Chapter 5. Phase behaviour of formaldehyde, methanol & water mixtures

used.

In aqueous and methanolic solutions, formaldehyde is predominantly chemically bound to

the solvents at all conditions. Monomeric formaldehyde (CH2O) makes up less than 0.04 wt%,

even in highly concentrated solutions of formaldehyde [314]. Therefore, the chemical reactions

(5.1)–(5.4) have a significant influence on the properties of the solutions and need to be con-

sidered in the thermodynamic modelling of these solutions. Although, other chemical reactions

may take place in formaldehyde mixtures with water and methanol, they have a negligible im-

pact on the properties of the solutions and are not considered in the current work. The reader

is referred to the work of Walker [314] and Maurer [319] for more details on these reactions.

A large number of experimental measurements can be found in the literature for the vapour-

liquid equilibria (VLE) of formaldehyde + water [320–326], formaldehyde + methanol [320, 326,

327] and of ternary formaldehyde + water + methanol mixtures [319, 320, 325, 326, 328–330].

A common experimental method used by several authors [319, 320, 328, 331], is the thin-film

evaporator, in which a rotating coil is used to spread the liquid feed on the inner surface of a

tube, surrounded by a heating jacket, causing the liquid to evaporate. After the separation of

the liquid and vapour phases, the vapour phase is condensed. The two liquids are then collected

in vials and analyzed. To ensure that phase equilibrium is reached, a small evaporation ratio

(the ratio of the volume of the condensed vapour to the volume of the unevaporated liquid)

and long residence time is maintained in the experiments. To analyze the composition of

the coexisting phases, gas chromatography is used to determine the water and/or methanol

content, while the formaldehyde content is determined using the sodium sulfite method [314].

At low temperatures (< 320 K), the VLE of formaldehyde mixtures is significantly influenced

by reaction kinetics and special care must be taken to ensure that chemical phase equilibrium

is attained. Hasse and Maurer [320] used a carrier-gas saturation technique to measure the

VLE of formaldehyde + water, formaldehyde + methanol and formaldehye + water + methanol

mixtures. In this experimental method, an inert carrier-gas at a low flow rate is passed through,

and is saturated with the formaldehyde liquid solution. During saturation, only a small fraction

of the liquid evaporates, and the chemical equilibrium of the solution remains unaffected. The

evaporated vapour is separated from the carrier gas in a cooling trap and is then condensed.
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Similar to the thin-film evaporator technique, the coexisting phases are analyzed using the gas

chromatography and sodium sulfite methods to determine their compositions.

For most industrial applications of formaldehyde, modelling the vapour-liquid equilibrium

of aqueous and methanolic solutions of formaldehyde, is of great importance. Extensive work

on the thermodynamic modelling of the VLE of formaldehyde aqueous and methanolic solu-

tions can be found in the literature. Perhaps one of the earliest modelling attempts of the VLE

of formaldehyde mixtures is the physiochemical model presented by Maurer [319] in 1986 to

describe the VLE of binary mixtures of formaldehyde + water and formaldehyde + methanol

using the universal functional activity coefficient (UNIFAC) [18] model. In their model, exper-

imental data were used to determine the necessary UNIFAC parameters, the thermodynamic

equilibrium constants and the vapour pressure of methylene glycol (or hemiformal) for each

mixture. The performance of Maurer’s model has been improved and its range of application

extended, based on new experimental VLE data of formaldehyde mixtures, by several authors

over the years [320, 331, 332]. Specifically, an extension of the Maurer model to represent the

ternary formaldehyde + water + methanol mixture was presented by Albert et al. [328]. Using

a different approach, Brandani and coworkers [333] modelled the VLE of ternary mixtures of

formaldehyde + water + methanol using the Wilson [334] equation to calculate the activity

coefficients of the three species. Later on, Brandani et al. [335] modelled the isothermal VLE

of formaldehyde + water and formaldehyde + methanol mixtures using the universal quasi-

chemical (UNIQUAC) [336, 337] equation to calculate the activity coefficients of the compo-

nents in the mixtures. In addition to the unknown UNIQUAC parameters, the thermodynamic

equilibrium constants for the reactions in the liquid phase were fitted to experimental VLE

data. The Henry’s constant of formaldehyde in each solvent was also required for their model.

This model was later extended to represent the ternary mixtures of formaldehyde + water +

methanol by Brandani et al. [338]. The models discussed so far, considered the vapour phase to

be an ideal mixture of formaldehyde, water, methanol, methylene glycol and hemiformal only.

The concentration of higher oligomers produced by Reactions (5.2) and (5.4) was assumed to be

negligible in the vapour phase. The study by Brandani et al. [339] was the first to account for

dioxymethylene hemiformal (HMF2) in the vapour phase for a binary mixture of formaldehyde
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+ methanol, and they showed improved predictions, compared to previous studies, of the VLE

of binary and ternary mixtures of formaldehyde, water and methanol [339]. This suggests that,

perhaps, accounting for the oligomerization reactions in the vapour phase, as well as in the

liquid phase, can result in better models of the VLE of formaldehyde mixtures.

The equilibrium distribution of formaldehyde and its products with water (Reactions (5.1)

and (5.2)) and methanol (Reactions (5.3) and (5.4)) influences the thermodynamic phase equi-

librium, chemical reaction kinetics and transport properties. Therefore, quantitative infor-

mation on the distribution of the reactions’ products in aqueous and methanolic solutions of

formaldehyde is crucial for industrial purposes and has been the focus of several research stud-

ies over the years [331, 332, 340–345]. Spectroscopic techniques can be used to determine the

distribution and concentration of the species. UV/Vis spectroscopy can be used to study the

formation of MG1 and HMF1 from monomeric formaldehyde (Reactions (5.1) and (5.3), re-

spectively) [340, 341]. More commonly, however, high-frequency nuclear-magnetic-resonance

(NMR) spectroscopy is used to determine the formation of MG1 and HMF1 as well as the for-

mation of the oligomers formed in Reactions (5.2) and (5.4). In NMR spectroscopy, separate

peaks are assigned from CH2 groups in different MGi and HMFi in the mixture [342]. The peak

areas from the NMR analysis are converted to concentrations assuming they are proportional

to the mole numbers of the CH2 groups in solution. Multiple studies on the speciation analysis

for the binary mixture of formaldehyde + water in the liquid phase, using NMR spectroscopy,

can be found in the literature [331, 332, 343, 344]. Only the work by Hahnenstein et al. [343]

studied the species distribution for the binary mixture of formaldehyde + methanol in the liquid

phase using the NMR technique. Maiwald et al. [345] later extended the work to investigate

the distribution of species in the ternary mixture of formaldehyde + water + methanol in the

liquid phase using also NMR spectroscopy. Note that, no peak could be assigned for monomeric

formaldehyde in these NMR studies, due to its extremely low concentration in the liquid phase;

hence, the true concentration of monomeric formaldehyde was considered to be negligible.

In an attempt to model the distribution of the species in a binary mixture of formaldehyde

and water, Albert et al. [332] used NMR spectroscopy data for formaldehyde + water mix-

tures [343], in addition to experimental VLE data, to fit: the reaction equilibrium constants
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(for the formation of the oligomers) and the unknown UNIFAC parameters in their work. Their

model [332] provided a reliable description of the formation of different MGi in liquid mixtures

of formaldehyde and water for a temperature range of 290–420 K. The extended model by Al-

bert et al. [328] showed a good agreement with NMR speciation data of Hahnenstein et al. [343]

for the liquid mixture of formaldehyde + methanol. Maiwald et al. [345] used the model by

Albert et al. [328] to predict the distribution of the reaction products in a ternary liquid mixture

of formaldehyde, water and methanol. For ternary mixtures, this model [328] provided only a

qualitative agreement to NMR experimental data [345]. The most significant deviations were

observed for the concentrations of MGi.

The literature discussed so far on the modelling attempts for the VLE and the nature of

speciation in formaldehyde mixtures, follows a chemical approach to deal with the occurrence

of chemical reactions and the formation of new species in each phase. In such methods, the

reaction products are defined a priori and are treated explicitly within the thermodynamic

model. An alternative to this methodology is the physical approach of dealing with reactions,

in which the reaction products are treated implicitly and are considered to be aggregates of the

reactants. In physical approaches, the reaction products do not need to be defined explicitly or

known in advance, and their formation is driven by the presence of strong intermolecular inter-

actions. It has been shown that physical approaches based on perturbation theories such as the

statistical associating fluid theory (SAFT) [33, 34] provide equivalent results to the chemical

or quasi-chemical theories for the formation of hydrogen bonding between species in a mix-

ture [346]. In SAFT approaches, aggregates (reaction products) may form due to association

interactions between the species, similar to the association approach used to model hydrogen

bonding. The theory of chemical association within SAFT is due to a series of papers by

Wertheim [45–48] in which the contribution to the Helmholtz free energy, due to association of

a fluid composed of associating monomers, is evaluated. The short-range directional forces are

accounted for by specifying off-center association sites on the monomers, which interact via a

potential function. The parameters obtained in the physical theory to describe the association

interaction between the reacting species can be related to the chemical reaction equilibrium

constant in chemical theories [346]. An advantage of physical approaches to modelling reac-
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tions over chemical approaches is that knowledge of the reaction equilibrium constants or the

concentrations of the reaction products is not necessary for model development, which reduces

the reliance on experimental data.

The physical approach to modelling reactions has been successfully implemented for carbon-

capture processes within the SAFT framework, in previous work [347–350]. Mac Dowell et

al. [347] and Rodrìguez et al. [348] used the statistical associating fluid theory for potentials

of variable range (SAFT-VR) [65, 66], with square-well (SW) potentials, to describe the phase

behaviour of reactive aqueous mixtures of carbon dioxide (CO2) with alkanolamines. SAFT-VR

SW is a homonuclear version of the SAFT theory in which intermolecular parameters are used

to represent whole molecules rather than specific functional groups. An accurate representation

of the complex reactions that occur in these mixtures was provided [347, 348] by adding two as-

sociation sites on the CO2 molecule which can only interact with alkanolamines to form tightly

bound aggregates, implicitly representing the formation of the main reaction products (carba-

mate and bicarbonate). Additionally, Rodrìguez et al. [348] studied the degree of speciation in

ternary mixtures of CO2, monoethanolamine (MEA) and water, providing an excellent agree-

ment with experimental data of the true mole fraction of carbamate and bicarbonate for various

CO2 loadings in the mixture, without using any experimentally measured reaction equilibrium

constants. To increase the predictive capability of these models, the SAFT-γ SW [141, 142]

and the SAFT-γ Mie [35–38, 148] group-contribution approaches have been used to model the

phase behaviour of mixtures containing CO2 with different amines and solvents, using a physical

approach to represent the reactions taking place [349, 350]. These physical models delivered an

accurate representation of the fluid-phase behaviour and chemical speciation in CO2-containing

mixtures of relevance to CO2 capture.

In the current work, the SAFT-γ Mie GC approach is used to predict the VLE in binary and

ternary formaldehyde mixtures with water and methanol. In particular, we follow a physical

approach to account for the oligomerization reactions (Reactions (5.1)–(5.4)) that occur in the

liquid and vapour phases, as part of the thermodynamic modelling of the fluid-phase behaviour

of these mixtures. This is done by adding a reactive association site on the group representing

formaldehyde within the SAFT-γ Mie framework. In our model, the vapour phase is considered
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to be a mixture of real gases in which there is no limit on the length of oligomers that may

form. Additionally, we investigate the nature of speciation in aqueous and methanolic mixtures

of formaldehyde and predictively quantify the distribution of oligomers (reaction products) in

various mixtures.

In the following section we present the thermodynamic modelling using the SAFT-γ Mie GC

approach relevant to mixtures containing formaldehyde with water and methanol, including: a

brief background on the SAFT-γ Mie theory, property calculations using the equation of state

(EoS), the molecular models developed, and the parameter estimation strategy used within the

SAFT-γ Mie GC approach. In Section 5.3, the phase equilibria calculations for pure formalde-

hyde, and its binary and ternary mixtures with water and methanol, are discussed. Following

this, in Section 5.4, we present the methodology used to determine the distribution of reaction

products in mixtures of formaldehyde, and the corresponding SAFT-γ Mie predictions of the

speciation taking place in formaldehyde + water, formaldehyde + methanol and formaldehyde

+ water + methanol mixtures. Final remarks are provided in Section 5.5.

5.2 Theory & thermodynamic modelling

5.2.1 SAFT-γ Mie theory

The theoretical background of the equation of state (EoS) is presented in detail in Chapter 2

and in refs [35–38, 148]. Here we provide only a brief summary of the models.

The SAFT-γ Mie [35–38] EoS is a group-contribution (GC) approach in which molecules are

modelled as heteronuclear chains of fused-spherical segments with association sites, to account

for short-range directional forces, if necessary. As discussed in Section 2.2, within the SAFT-γ

Mie framework, a group k is characterised by a number ν∗
k of identical spherical segments, a

shape factor Sk, the segment energy of interaction εkk, the segment diameter σkk, the exponents

of the Mie potential λr
kk and λa

kk and, where relevant, the parameters describing any site-site

association interactions, εHB
kk,ab, Kkk,ab, nk,a, nk,b, . . ., nk,NST,k

. The interactions between two
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groups k and l of different types are represented equivalently by the corresponding unlike

parameters εkl, σkl, λr
kl, λa

kl, εHB
kl,ab and Kkl,ab.

In the SAFT-γ Mie EoS the Helmoholtz free energy A of a mixture is written as a sum of

terms, based on a perturbation approach, in which

A = AIdeal + AMono + AChain + AAssoc + AIon + ABorn , (5.5)

where AIdeal corresponds to the ideal gas free energy, AMono is the effect of the interaction

of monomeric segments through Mie potentials, AChain is the contribution to the free energy

of the formation of chains of molecules from the fused Mie segments and AAssoc accounts for

molecular association through short-range directional interactions. The first four terms describe

the classical, non-electrolyte SAFT contributions [35–38], and the presence of charged species

is accounted for by the last two terms [149, 150].

Of particular importance to the current chapter is the association contribution term, which

follows from the TPT1 expressions of Wertheim [31, 32, 45–48] and is given by

Aassoc

NkBT
=

NC∑
i=1

xi

NG∑
k=1

νk,i

NST,k∑
a=1

nk,a

(
lnXi,k,a +

1−Xi,k,a

2

)
, (5.6)

where NC is the number of components in the mixture, NG is the number of groups, xi is

the mole fraction of species i and nk,a is the number of sites of type a on group k. Xi,k,a is

the fraction of molecules of component i that are not bonded at a site of type a on group k,

obtained from the solution of the mass-action equations as [31, 48, 141]

Xi,k,a =

1 + ρ

NC∑
j=1

xj

NG∑
l=1

νl,j

NST,l∑
b=1

nl,bXj,l,b∆ij,kl,ab

−1

. (5.7)

Here ρ is the molecular density and ∆ij,kl,ab characterizes the overall strength of the association

between a site of type a on a group k of component i and a site of type b on a group l of
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component j. This is approximated as [31]

∆ij,kl,ab = Fkl,abKkl,abIij , (5.8)

where Fkl,ab = exp
(
εHB
kl,ab/kBT

)
− 1 and Iij is a polynomial temperature-density correlation for

the association integral for a Lenard-Jones monomer [37, 38].

5.2.2 Property calculations

The SAFT-γ Mie EoS, expressed in terms of the total Helmholtz free energy in Equation (5.5),

is a function of temperature T, volume V, and a vector N of the mole numbers of all the

components in the mixture. Other properties can be calculated from standard thermodynamic

relations and phase equilibrium conditions [25, 168].

The thermodynamic phase equilibrium of an isolated multi-phase mixture of i components,

can be obtained by imposing the equality of the temperature T, pressure P and chemical

potential of each component µi in each phase, i.e., [168]

Tα = T β , α ̸= β

Pα = P β , α ̸= β

µα
i = µβ

i , α ̸= β and ∀ i ,

(5.9)

for all the α and β phases considered, to obtain the compositions of each phase. The pressure

and chemical potential of component i can be calculated from the Helmholtz free energy,

respectively, as

P = −
(
∂A

∂V

)
N,T

, (5.10)

and

µi =

(
∂A

∂Ni

)
Nj ̸=i,T,V

. (5.11)

The relevant equilibria and chemical reactions for a mixture of formaldehyde, water and

methanol are shown in Figure 5.1. The liquid and vapour phases consist of methanol (CH3OH),
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water (H2O) and monomeric formaldehyde (CH2O) as well as the reaction products of formalde-

hyde with these solvents: hemiformal (HMF1), poly(oxymethylene) hemiformals (HMFi), methy-

lene glycol (MG1) and poly(oxymethylene) glycols (MGi). In our model, we account for the

four chemical reactions given by Reactions (5.1)–(5.4) in both the liquid and vapour phases.

Figure 5.1: Schematic representation of the vapour-liquid equilibria in a ternary mixture of
formaldehyde + water + methanol. The liquid and vapour phases consist of methanol (CH3OH),
water (H2O) and monomeric formaldehyde (CH2O). The reactions of formaldehyde with these
solvents (Reactions (5.1)–(5.4)) are considered in the two phases, forming: hemiformal (HMF1),
poly(oxymethylene) hemiformals (HMFi), methylene glycol (MG1) and poly(oxymethylene)
glycols (MGi).

5.2.3 Molecular models

Using the SAFT-γ Mie GC approach, we need to characterize the groups that make up each of

the compounds of interest. As formaldehyde, water and methanol are relatively small molecules;

they are each modelled as a single molecular group. The groups required for modelling these

compounds are presented in Figure 5.2. These are: 1 × CH2O for formaldehyde; 1 × CH3OH

for methanol and 1 × H2O for water. Each group has two sites of type e which represent the
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two electron lone-pairs of the oxygen atom, and sites of type H corresponding to each of the

hydrogen atoms (that may participate in hydrogen bonding), such that, CH3OH has one H site,

H2O has two H sites and CH2O has two H sites. In our model, only sites of different types are

allowed to interact, i.e., εHB
kl,αα = 0 for k, l = {CH2O,H2O,CH3OH} and α = {e, H}.

(a) (b) (c)
O

HH

e e

CH CH3

Figure 5.2: Chemical structures of (a) formaldehyde, (b) methanol and (c) water considered
in the current work, together with their corresponding SAFT-γ Mie representation. Each of
the large coloured spheres corresponds to a different group and the small spheres represent the
association sites on the groups: H (red), e (green) and e∗ (purple).

As discussed in Section 5.1, we use a physical approach in which the reaction products are

considered to be aggregates of the reactants to model Reactions (5.1)–(5.4). This is possible

within the SAFT-γ Mie framework by adding association (reactive) sites to mediate the forma-

tion of the reaction products. For a physical treatment of Reactions (5.1)–(5.4), we add a reac-

tive e∗ site to the CH2O group which can only interact with the e sites on CH3OH and H2O (i.e.,

εHB
CH2O−CH2O,e∗−e∗ = εHB

CH2O−CH2O,e−e∗ = εHB
CH2O−CH2O,H−e∗ = εHB

CH2O−H2O,e∗−H = εHB
CH2O−CH3OH,e∗−H

= 0). This reactive site is only active in a mixture but not in pure formaldehyde. Hence, the

formation of methylene glycol (MG1) (Reaction (5.1)) is mainly possible through the associa-

tion between the e∗ site on CH2O and the e sites on H2O (configuration I in Figure 5.3 (a)), and

the formation of hemiformal (HMF1) (Reaction (5.3)) mainly occurs through the association

interaction between the e∗ site on CH2O and the e sites on CH3OH (configuration I in Figure 5.3

(b)). It is important to note that, because the e sites on CH3OH and H2O also associate with

other site types, and not exclusively to the e∗ site on CH2O, HMF1 and MG1 may form due to

other association interactions in our model. MG1 may also form by an association interaction
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between the H site on CH2O and the e site on H2O (configuration II in Figure 5.3 (a)) or by the

association interaction between the e site on CH2O and the H site on H2O (configuration III

in Figure 5.3 (a)). Similarly, HMF1 can form by the association between the H site on CH2O

and the e site on CH3OH (configuration II in Figure 5.3 (b)) or between the e site on CH2O

and the H site on CH3OH (configuration III in Figure 5.3 (b)).

(a)

I II III

(b)

I II III

Figure 5.3: Configurations for the formation of (a) methylene glycol (MG1) and (b) hemiformal
(HMF1) mediated by e–H, and e∗–H site-site bonds. e–e, e∗–e∗, H–H or H–e∗ bonding is not
allowed. We note that, for simplicity, the CH2O and CH3OH groups are depicted by a single
sphere; refer to Figure 5.2 for the corresponding representation of the groups within the SAFT-
γ Mie GC approach.

Our physical treatment, can also account for the formation of higher-order oligomers (Reac-

tions (5.2) and (5.4)). For instance, there are six possible combinations of association interac-

tions for the formation of dioxymethylene glycol (MG2) in our model, these are shown in Figure

5.4 (a). Likewise, dioxymethylene hemiformal (HMF2) can form by one of the five association
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interaction combinations shown in Figure 5.4 (b).

(a)

CH2O

I

H2O

II

CH2O

III

CH2O

IV

CH2O

V

CH2O

VI

(b)

I II

III IV V

Figure 5.4: Configurations for the formation of (a) the dioxymethylene glycol (MG2) and (b)
the dioxymethylene hemiformal (HMF2) mediated by e–H, and e∗–H site-site bonds. e–e, e∗–
e∗, H–H or H–e∗ bonding is not allowed. We note that, for simplicity, the CH2O and CH3OH
groups are depicted by a single sphere; refer to Figure 5.2 for the corresponding representation
of the groups within the SAFT-γ Mie GC approach.

The like and unlike SAFT-γ Mie group interactions for H2O and CH3OH are obtained from
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previous work [36–38]. In this chapter we expand the group-interactions matrix by estimating

the SAFT-γ Mie parameters for the CH2O group and its unlike interactions with H2O and

CH3OH. The determination of the group-interaction parameters is done in a successive manner.

We first determine the like parameters for the CH2O group, these parameters are then used

to obtain the unlike interaction parameters with the other groups. Details of the parameter

estimation strategy are outlined in the following section.

5.2.4 Parameter estimation

To estimate the SAFT-γ Mie parameters parameters, the least-squares objective function given

by Equation (2.41) is minimised. In order to determine the accuracy of the theoretical de-

scription compared to the experimental data for a property X, the percentage absolute average

deviation (%AAD)

%AAD[X] =
100

ND
X

ND
X∑

i=1

∣∣∣∣∣R
exp
X,i −Rcalc

X,i

Rexp
X,i

∣∣∣∣∣ , (5.12)

and the absolute average deviation of (AAD)

AAD[X] =
1

ND
X

ND
X∑

i=1

∣∣Rexp
X,i −Rcalc

X,i

∣∣ , (5.13)

are used.

The optimal SAFT-γ Mie parameters obtained for the CH2O group are presented in Tables

5.1, 5.3 and 5.4 and are discussed in the following section. The unlike interaction parameters

of CH2O with H2O and CH3OH are provided in the tables, with a comparison of the SAFT-γ

Mie predictions to experimental VLE data of binary mixtures of formaldehyde with water and

methanol shown in Section 5.3.2. We also compare our SAFT-γ Mie predictions of the VLE for

ternary formaldehyde + water + methanol mixtures with experimental data which were not

used for parameter estimation in Section 5.3.3.
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5.3 Phase equilibria

5.3.1 Pure compounds

To study the phase behaviour and speciation of formaldehyde solutions, the CH2O group needs

to be characterised within the SAFT-γ Mie framework. In the current work, the CH2O group

(cf. Figure 5.2) is modelled with two identical segments (ν∗
CH2O

= 2) and with three association

site types (NST,CH2O = 3): two sites of type e which represent the electron lone-pairs on the

oxygen atom, two sites of type H corresponding to each of the hydrogen atoms and one site

of type e∗ as a reactive site. The attractive exponent of the Mie potential λa
CH2O

is fixed to a

value of 6.0. The remaining SAFT-γ Mie parameters for the CH2O group are estimated using

experimental data [273, 351] of pure formaldehyde. Specifically, vapour pressure, saturated

liquid density and enthalpy of vapourisation data are used. The set of optimal parameters

can be found in Tables 5.1 and 5.4, which also contain the previously published SAFT-γ Mie

parameters for CH3OH and H2O [36–38]. The SAFT-γ Mie calculations are compared to

experimental data [273, 351] in Figure 5.5, and the corresponding %AADs are presented in

Table 5.2. As can be gleaned from the figure and %AADs, the model leads to a very good

description of the thermodynamic properties of formaldehyde. Additionally, our model can

closely predict the critical temperature of formaldehyde (T calc
c = 402 K and T exp

c = 412 ± 2.0

K [352]) (cf. Figure 5.5 (c)), although data in the critical region, above 0.9 Tc, were not included

in the parameter estimation.

Table 5.1: SAFT-γ Mie like parameters for water, methanol and formaldehyde. ν∗
k is the

number of segments making up group k, Sk is the shape factor, λr
kk and λa

kk are the repulsive
and attractive exponents of the Mie potential, respectively, σkk is the segment diameter, σBorn

kk

is the Born diameter, εkk is the dispersion energy between two k groups, NST,k is the number
of association site types on group k, with nH,k, ne,k and ne∗,k representing the association sites
of type H, e and e∗, respectively. † † † indicates parameters obtained in the current work.

Group k ν∗
k Sk σkk/Å λr

kk λa
kk (εkk/kB)/K NST,k nH,k ne,k ne∗,k ref

H2O 1 1.0000 3.0063 17.020 6.0000 266.68 2 2 2 - [37, 38]
CH3OH 2 0.83517 3.2462 19.235 6.0000 307.69 2 1 2 - [36]
CH2O 2 0.78473 3.3131 36.423 6.0000 280.15 3 2 2 1 † † †
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Figure 5.5: (a) Vapour pressure, (b) saturated liquid density and (c) vaporization enthalpy for
pure formaldehyde. The curves correspond to the SAFT-γ Mie calculations and the symbols
are experimental data [273, 351]. The cross in (c) corresponds to the critical temperature of
formaldehyde [352].

Table 5.2: The percentage average absolute deviation %AAD between the SAFT-γ Mie calcula-
tions and experimental data of the saturated density ρsat, vapor pressure Pvap and vaporization
enthalpy ∆hvap of formaldehyde.

Property X T range/ K ND
X %AAD [X ] ref

ρsat 193 – 393 12 0.64 [273]
Pvap 163 – 250 16 1.96 [351]
∆hvap 193 – 393 12 3.95 [273]

5.3.2 Binary formaldehyde + water and formaldehyde + methanol

mixtures

To model the mixture of formaldehyde + water we use the model described in Section 5.2.3,

following a physical approach to account for Reactions (5.1) and (5.2) in the liquid and vapour

phases. A total of eight unlike interactions need to be determined between the CH2O and
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H2O groups , namely: εCH2O−H2O, λr
CH2O−H2O

, εHB
CH2O−H2O,H−e, KCH2O−H2O,H−e, εHB

CH2O−H2O,e−H,

KCH2O−H2O,e−H, εHB
CH2O−H2O,e∗−e and KCH2O−H2O,e∗−e. The repulsive exponent λr

CH2O−H2O
is cal-

culated by combining rules. Experimental isobaric VLE data for formaldehyde + water mix-

tures [322] in a pressure range of 0.013–0.053 MPa are used for the estimation of the remain-

ing parameters using the objective function in Equation (2.41). To reduce the number of

parameters that need to be estimated, we consider a symmetric association scheme for the

association interactions not involving the e∗ site, i.e., εHB
CH2O−H2O,H−e = εHB

CH2O−H2O,e−H and

KCH2O−H2O,H−e = KCH2O−H2O,e−H. The optimized unlike parameters can be found in Tables 5.3

and 5.4.

Table 5.3: Group dispersion interaction energies εkl and repulsive exponent λr
kl for use with

the SAFT-γ Mie equation of state, taken from the references indicated in the last column. CR
indicates that λr

kl is obtained from a combining rule [35] and ††† indicates parameters obtained
in the current work.

Group k Group l (εkl/kB)/K λr
kl ref

H2O H2O 266.68 CR [37, 38]
H2O CH3OH 278.45 CR [36]

CH3OH CH3OH 307.69 CR [36]
CH3OH CH2O 320.98 CR † † †
CH2O CH2O 280.15 CR † † †
CH2O H2O 248.26 CR † † †

Table 5.4: Group association energies εHB
kl,ab and bonding volume Kkl,ab for use with the SAFT-γ

Mie EoS. † † † indicates parameters obtained in the current work. The last column shows the
value of Fkl,abKkl,ab at T = 298.15 K for each association interaction, which is representative
of the association strength (∆ij,kl,ab) for a given association kernel Iij (cf. Equation (5.8)).

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/A3 ref Fkl,abKkl,ab (298 K)

H2O H H2O e 1985.4 101.69 [37, 38] 7.9198×104

H2O H CH3OH e 1993.5 104.11 [36] 8.3318×104

H2O e CH3OH H 1993.5 104.11 [36] 8.3318×104

CH3OH H CH3OH e 2062.1 106.57 [36] 1.0738×105

CH3OH H CH2O e 4594.9 0.00100 † † † 4.9326×103

CH3OH e CH2O H 4594.9 0.00100 † † † 4.9326×103

CH3OH e CH2O e∗ 5562.3 0.91815 † † † 1.1618×108

CH2O e CH2O H 500.00 1381.9 † † † 6.0106×103

CH2O e H2O H 2572.7 7.3729 † † † 4.1213×104

CH2O H H2O e 2572.7 7.3729 † † † 4.1213×104

CH2O e∗ H2O e 2445.0 3147.1 † † † 1.1462×107

The SAFT-γ Mie calculations for the isobaric VLE of formaldehyde + water mixtures are
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in excellent agreement to experimental data as shown in Figures 5.6 (a) and (b), with the

corresponding %AAD for the bubble (Tbub) and dew temperatures (Tdew) of 0.12% and 0.12%,

respectively (Table 5.5). The phase boundaries are reported in the figures in terms of the

"overall" mole fraction of formaldehyde, always indicated by a (∼) in the current work, x̃F =

ÑF

Ñtot

(
Ñtot =

∑
i=F,M,W Ñi

)
; the "overall" (x̃F) and "true" (xF) mole fractions of formaldehyde

can be related as discussed in Section 5.4.

We assess the validity of the model by predicting isothermal VLE data [321] at temperature

and pressure conditions not considered in the parameter estimation, and present a comparison

between the SAFT-γ Mie predictions and experimental data in Figures 5.6 (c) and (d). Very

good agreement to experimental data is shown in the figures. The corresponding %AAD is

2.37% and 1.39% for the bubble (Pbub) and dew (Pdew) pressures, respectively (Table 5.5). It

is remarkable to see in Figures 5.6 (b) and (d) that the SAFT-γ Mie VLE calculations can

capture the azeotropes for all the isotherms and isobars considered for this binary mixture.

Additionally, our predictions of the saturation points of formaldehyde are in close agreement

with experimental measurements [281], within experimental uncertainty, for all the tempera-

tures and pressures in Figure 5.6.

Table 5.5: The percentage average absolute deviation %AAD between the SAFT-γ Mie cal-
culations and experimental data of the bubble and dew temperatures (Tbub, Tdew) and pres-
sures (Pbub, Pdew) for binary mixtures of formaldehyde + water (F + W) and formaldehyde +
methanol (F + M).

Mixture P range/ MPa ND
X %AAD Tdew ND

X %AAD Tbub ref

F + W 0.013–0.053 34 0.12 38 0.12 [322]

F + M 0.027–0.101 12 0.67 12 1.94 [326]

Mixture T range/ K ND
X %AAD Pdew ND

X %AAD Pbub ref

F + W 313–363 38 1.39 43 2.37 [321]

F + M 333–353 27 9.32 27 9.49 [327]

A similar approach is followed to model the phase behaviour of the binary mixture of

formaldehyde and methanol, using a physical approach to account for Reactions (5.3) and

(5.4) in the liquid and vapour phases, as described in Section 5.2.3. Eight unlike interac-

tion parameters are required for the CH2O and CH3OH groups: εCH2O−CH3OH, λr
CH2O−CH3OH,
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Figure 5.6: (a) Isobaric (T−x̃) and (c) isothermal (P−x̃) phase diagrams featuring the vapour-
liquid equilibria of formaldehyde + water binary mixtures, with an enlargement of the water-
rich regions of the (b) isobaric and (d) isothermal phase diagrams. The filled symbols represent
experimental data [322] used in the parameter estimation and open symbols are experimental
data (circles [321] and squares [281]) used for model validation only. The continuous curves
represent calculations using SAFT-γ Mie. Error bars are shown for the experimental saturation
points (squares [281]) indicating the uncertainty associated with the measurements.

εHB
CH2O−CH3OH,H−e, KCH2O−CH3OH,H−e, εHB

CH2O−CH3OH,e−H, KCH2O−CH3OH,e−H, εHB
CH2O−CH3OH,e∗−e and

KCH2O−CH3OH,e∗−e. The repulsive exponent λr
CH2O−CH3OH is calculated by combining rules and

a symmetric association scheme is considered for the association interactions between CH2O

and CH3OH not involving the reactive e∗ site, such that, εHB
CH2O−CH3OH,H−e = εHB

CH2O−CH3OH,e−H

and KCH2O−CH3OH,H−e = KCH2O−CH3OH,e−H. The unlike parameters are obtained following the

parameter estimation strategy outlined in Section 5.2.4, using experimental isobaric and isother-

mal VLE data for formaldehyde + methanol mixtures [326, 327]. The estimated parameters

can be found in Tables 5.3 and 5.4.

A very good agreement is obtained between the SAFT-γ Mie calculations and experimen-
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tal data for the VLE phase boundaries, as displayed in Figure 5.7. The model captures the

azeotrope for all the isotherms and isobars with close agreement to experimental data (see

Figures 5.7 (b) and (d)). The good agreement of our model to experimental data is also vali-

dated by the %AAD presented in Table 5.5. Very low %AAD values of 0.67% and 1.94% are

obtained for the Tdew and Tbub, respectively, and slightly larger %AAD values are observed for

the dew and bubble pressures with an overall %AAD of 9.62% and 7.54%, respectively. The

largest deviations for Pdew and Pbub are for the data points at the highest x̃F of each isotherm,

which correspond to the lowest pressure values, where larger uncertainties can be expected in

the experimental data. For example, the %AAD for Pdew at T = 353.15 K and x̃F = 0.72 is

27.83% while the %AAD for the same property at the same temperature and x̃F = 0.011 is

2.99%. It can also be noted from Figure 5.7 (d) that, for the isotherms at 343.15 K and 353.15

K, the highest (at low x̃F) and lowest (at high x̃F) values for Pdew (or Pbub) differ by an order of

magnitude, which explains the more significant %AAD values for small deviations at the lowest

pressure values compared to the highest ones. Therefore, it is the deviations at the largest x̃F

per isotherm that contribute to a higher overall %AAD for Pdew and Pbub. In the formaldehyde

+ water mixture, we did not observe large %AAD for Pdew and Pbub as the pressure values at

the lowest and highest x̃F are of the same order of magnitude.

There are, to the best of our knowledge, no experimental data for the VLE of binary

formaldehyde + methanol (F + M) or formaldehyde + water (F + W) mixtures at high con-

centrations of formaldehyde (x̃F > 0.53 for F + W and x̃F > 0.72 for F + M). Hence, the

SAFT-γ Mie predictions in Figures 5.6 (a) and (c) and Figures 5.7 (a) and (c), provide insight

of the VLE profile for these binary mixtures at high concentrations of formaldehyde for the

given ranges of temperature and pressure.

In the last column of Table 5.4 the value of Fkl,abKkl,ab for each association interaction,

which is representative of the association strength (∆ij,kl,ab) for a given association kernel

Iij (cf. Equation (5.8)), is presented at T = 298.15 K. It is evident that Fkl,abKkl,ab of the

interactions involving the reactive e∗ site on the CH2O group are several orders of magni-

tude larger than the other interactions shown. This suggests that the association interactions

with the e∗ site on CH2O are favorable when the corresponding sites are present in a mix-
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Figure 5.7: (a) Isobaric (T − x̃) and (b) isothermal (P − x̃) phase diagrams featuring the
vapour-liquid equilibria of formaldehyde + methanol binary mixtures, with an enlargement of
the methanol-rich regions of the (c) isobaric and (d) isothermal phase diagrams. The filled
symbols represent experimental data (triangles [326] and circles [327]) used in the parameter
estimation and open symbols are experimental data (circles [327] and squares [281]) used for
model validation only. The continuous curves represent calculations using SAFT-γ Mie. Error
bars are shown for the experimental saturation points (squares [281]) showing the uncertainty
associated with the measurements.

ture, i.e., the e site on H2O will preferentially associate with e∗ on CH2O compared to the

other sites on CH2O, H2O and CH3OH. Likewise, the e site on CH3OH will favor the as-

sociation with e∗ on CH2O compared to the other sites on CH2O, H2O and CH3OH. We

note that the value of FCH2O−CH3OH, e∗−eKCH2O−CH3OH, e∗−e is an order of magnitude larger than

FCH2O−H2O, e∗−eKCH2O−H2O, e∗−e, suggesting that, in a ternary formaldehyde + water + methanol

mixture, the e∗ site on CH2O is more likely to associate with the e site on CH3OH rather than

the e site on H2O. The preferential association of CH2O with CH3OH, as compared to H2O

observed in our model is in agreement with findings by other authors [314, 330] who suggest a

higher affinity of formaldehyde for methanol as compared to water, in a ternary mixture.



142 Chapter 5. Phase behaviour of formaldehyde, methanol & water mixtures

5.3.3 Ternary mixtures of formaldehyde

The VLE for ternary mixtures of formaldehyde + methanol + water is predicted using the

SAFT-γ Mie parameters given in Tables 5.1, 5.3 and 5.4. No additional parameters are needed

to carry out the calculations for the ternary mixture.

A wide range of experimental data for the VLE of the ternary mixture is used in the

validation of the predictive capability of the SAFT-γ Mie EoS (cf. Table 5.6). Generally, our

SAFT-γ Mie model provides an accurate prediction of the VLE of the formaldehyde + methanol

+ water mixtures compared to all the experimental data sources reported in Table 5.6, with

an overall %AAD of 3.78% for Tbub, Tdew, Pbub and Pdew . The deviation between calculations

and experimental data, in terms of %AAD, for Tbub and Tdew is below 3%, which is excellent

considering the wide range of pressures evaluated. The model developed also gives accurate

predictions for the Pbub and Pdew, with %AAD typically below 8% and 11%, respectively. A

larger deviation (31.5%) is observed between our SAFT-γ Mie calculations and experimental

data of Hasse et al. [320] for Pdew of the ternary mixture. This larger deviation is in part due to

the low values of pressure, such that small deviations from experimental data have a significant

impact on the relative %AAD value. In this case, it is useful to consider the absolute deviations

(AAD) for an overall assessment of the accuracy of the model. The low AAD for Pdew (2.94

×10−3 MPa) indicates a good agreement between our calculations and the experimental data

of Hasse et al. [320].

It is evident from Table 5.6 that there is some variation in the experimental data for the

same property by different research groups. For example, the %AAD for Pbub between our cal-

culations and the experimental data from Albert et al. [328] and Kogan et al. [329], who report

data for a similar temperature range, is 1.92% and 7.60%, respectively. A similar discrepancy

between these two data sources is observed for Pdew. This highlights the uncertainty in the ex-

perimental data measurements, which is often not reported, and the importance of comparing

predictive models to multiple sources of experimental data for appropriate validation.

In Figure 5.8 we show a comparison between the SAFT-γ Mie VLE predictions of the
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Table 5.6: The percentage average absolute deviation (%AAD) and the average absolute de-
viation (AAD) between the SAFT-γ Mie calculations and experimental data [319, 320, 325,
326, 328–330] for the bubble and dew temperatures (Tbub, Tdew) and pressures (Pbub, Pdew) of
ternary mixtures of formaldehyde + water + methanol.

Ref. P range/ MPa ND
X %AAD Tdew AAD Tdew / K

Blazhin et al. [326] 0.027–0.101 38 0.672 2.24

Ref. P range/ MPa ND
X %AAD Tbub AAD Tbub / K

Blazhin et al. [326] 0.027–0.101 38 0.211 0.72

Olevski et al. [325] 0.008–0.101 450 2.52 8.30

Ref. T range/ K ND
X %AAD Pdew AAD ×103 Pdew / MPa

Albert et al. [328] 333–383 65 2.13 1.62

Hasse et al. [320] 293–313 8 31.5 2.94

Kogan et al. [329] 333–353 82 10.6 6.22

Maurer [319] 342–364 23 8.02 4.75

Ref. T range/ K ND
X %AAD Pbub AAD ×103 Pbub / MPa

Albert et al. [328] 333–383 65 1.92 1.70

Hasse et al. [320] 293–313 8 5.06 0.43

Kogan et al. [329] 333–353 82 7.60 3.47

Maurer [319] 342–364 23 5.46 2.75

Brandani et al. [330] 328–368 22 4.55 1.89

Total 3.78 3.10

ternary mixture and experimental data from Blazhin et al. [326] at P = 0.026664 MPa and P =

0.101330 MPa. For a given pressure and overall liquid phase composition, the predictions of the

equilibrium vapour phase composition are found to be in good agreement with the experimental

data. A closer agreement of the tie-lines connecting the liquid and vapour phases is evident for

the isobaric data at 0.101330 MPa (Figure 5.8 (b)) than at 0.026664 MPa (Figure 5.8 (a)). This

is also indicated by the lower AAD values in Table 5.7 for the equilibrium vapour composition

at 0.101330 MPa compared to 0.026664 MPa. In general, however, the model performs well in

predicting the equilibrium vapour composition for all the components at 0.026664 MPa (AAD

ỹi < 0.05 for i = F,M,W) and 0.101330 MPa (AAD ỹi < 0.035 for i = F,M,W), which is
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remarkable given that no ternary mixture data were included in the parameter estimation.
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Figure 5.8: Isobaric phase diagrams featuring the vapour-liquid equilibria of formaldehyde +
water + methanol ternary mixtures at (a) 0.026664 MPa (temperature range of 312–335 K)
and (b) 0.101330 MPa (temperature range of 341–370 K). For a known overall composition of
formaldehyde (x̃F), water (x̃W) and methanol (x̃M) in the liquid phase (red), the corresponding
overall composition of formaldehyde (ỹF), water (ỹW) and methanol (ỹM) in the vapour phase
is predicted using SAFT-γ Mie (open green circles) and is compared to experimental data [326]
(filled green circles). Continuous and dashed blue tie-lines connect the overall liquid phase
composition to the experimental and predicted overall vapour phase composition, respectively.

Similarly, in Figure 5.9 the ternary phase diagram SAFT-γ Mie predictions of the overall
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Table 5.7: The average absolute deviation (AAD) between the SAFT-γ Mie calculations and
experimental data from refs [326] and [329] for the equilibrium mole fraction of formaldehyde
(ỹF), water (ỹW) and methanol (ỹM) in the vapor phase of ternary mixtures of formaldehyde +
water + methanol.

Blazhin et al. [326]

P/MPa T range/ K ND
X AAD ỹM AAD ỹW AAD ỹF

0.026664 312–334 10 0.048 0.040 0.032

0.101330 341–370 20 0.031 0.022 0.019

Kogan et al. [329]

T/K P range/ MPa ND
X AAD ỹM AAD ỹW AAD ỹF

333 K 0.017–0.078 27 0.048 0.049 0.041

343 K 0.028–0.114 29 0.038 0.043 0.036

353 K 0.045–0.161 26 0.029 0.037 0.034

vapour phase composition in equilibrium with a preset overall liquid phase composition, at

353 K, are shown compared to experimental data from Kogan et al. [329] We note that the

experimental data by Kogan et al. [329] was chosen for comparison in Figure 5.9 as this data set

gives the highest deviations for Pdew and Pbub in Table 5.6 (with the exception of the %AAD of

Pdew for the data reported by Hasse et al. [320] which was discussed previously). Additionally,

the experimental data by Kogan et al. spans a wider formaldehyde composition range than

that presented by the isobaric data of Blazhin et al. and can further validate the predictive

capability of the SAFT-γ Mie GC approach for VLE predictions of the ternary mixture. Close

agreement between our calculations and experimental data is evident for the isothermal data

in Figure 5.9. It can be noted that the slope and length of the predicted tie-lines in the ternary

phase diagrams is in close agreement to the experimental tie-lines, particularly at low x̃W, low

x̃F and high x̃M (bottom right vertex of the ternary plots). The performance of the SAFT-γ

Mie model is also assessed in terms of the AAD for the equilibrium vapour phase compositions

of the three components at 333 K, 343 K and 353 K, compared to the experimental data by

Kogan et al. [329], in Table 5.7. The overall deviations are low (AAD ỹi < 0.05 for i = F,M,W),

following a trend of increasing AAD value with decreasing temperature for all the components.

The predictive capability of the SAFT-γ Mie GC approach is also validated in terms of
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Figure 5.9: Isothermal phase diagrams featuring the vapour-liquid equilibria of formaldehyde
+ water + methanol ternary mixtures at 353 K (pressure range 0.0449–0.161 MPa). For a
known overall composition of formaldehyde (x̃F), water (x̃W) and methanol (x̃M) in the liquid
phase (red circles), the corresponding overall composition of formaldehyde (ỹF), water (ỹW)
and methanol (ỹM) in the vapour phase is predicted using SAFT-γ Mie (open green circles)
and is compared to experimental data [329] (filled green circles). Continuous and dashed blue
tie-lines connect the overall liquid phase composition to the experimental and predicted overall
vapour phase composition, respectively. In (a) 0.0383 ≤ x̃F ≤ 0.2237, 0.1317 ≤ x̃W ≤ 0.7460
and 0.0303 ≤ x̃M ≤ 0.8300; (b) 0.0621 ≤ x̃F ≤ 0.3628, 0.1076 ≤ x̃W ≤ 0.5975 and 0.0397 ≤
x̃M ≤ 0.8303 ; and (c) 0.1138 ≤ x̃F ≤ 0.5065, 0.0965 ≤ x̃W ≤ 0.4275 and 0.0660 ≤ x̃M ≤ 0.7897.
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the bubble point predictions as shown in Figure 5.10, where we compare our calculations of

the bubble pressure for a given temperature and equilibrium liquid phase composition, to the

experimental data of Brandani et al. [330]. Excellent agreement between the calculated and

measured Pbub is displayed for the compositions considered. Interestingly, the best agreement is

obtained at the lowest temperature for each of the three liquid-phase compositions considered.
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Figure 5.10: Constant-composition phase diagrams featuring the bubble point of formaldehyde
+ water + methanol ternary mixtures. The overall composition of formaldehyde (x̃F), water
(x̃W) and methanol (x̃M) in each solution is (a) x̃F = 0.234, x̃W = 0.7642, x̃M = 0.0018; (b) x̃F

= 0.2578, x̃W = 0.7352, x̃M = 0.007; and (c) x̃F = 0.3216, x̃W = 0.6735, x̃M = 0.0049. The
filled symbols represent experimental data [330] and open symbols represent predictions using
SAFT-γ Mie.



148 Chapter 5. Phase behaviour of formaldehyde, methanol & water mixtures

5.4 Distribution of reaction species

In a ternary mixture of formaldehyde, methanol and water, Reactions (5.1)–(5.4) take place si-

multaneously such that, formaldehyde (F), methanol (M), water (W), methylene glycol (MG1),

poly(oxy)methylene glycols (MGi), hemiformal (HMF1) and poly(oxy)methylene hemiformals

(HMFi) are present.

Suppose a ternary mixture is prepared by mixing ÑF moles of formaldehyde, ÑM moles of

methanol and ÑW moles of water. These numbers of moles are used to calculate the "over-

all" mole fraction x̃i =
Ñi

Ñtot

(
Ñtot =

∑
i=F,M,W Ñi

)
of the mixture. However, by virtue of the

oligomerization reactions taking place (Reactions (5.1)–(5.4)), at a given T and P, the compo-

sition of the mixture is also specified by the "true" number of moles of F, M, W, MG1, MGi,

HMF1 and HMFi which we denote here as, NF, NM, NW, NMG1 , NMGi
, NHMF1 and NHMFi

, re-

spectively. The true and overall compositions of the components are related by mass balances,

ÑF = NF +
∞∑
i=1

i ·NMGi
+

∞∑
i=1

i ·NHMFi
, (5.14)

ÑW = NW +
∞∑
i=1

NMGi
, (5.15)

ÑM = NM +
∞∑
i=1

NHMFi
, (5.16)

Ñtot = ÑF + ÑW + ÑM , (5.17)

and

Ntot = NF +NW +NM +
∞∑
i=1

NMGi
+

∞∑
i=1

NHMFi
. (5.18)

Combining Equations (5.17) and (5.18) leads to

Ñtot = Ntot +
∞∑
i=1

i ·NMGi
+

∞∑
i=1

i ·NHMFi
, (5.19)

where Ñtot and Ntot are the overall and true total mole numbers, respectively. Equations
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(5.14)–(5.19) can be used to determine the compositions of the binary mixtures too, whereby

in mixtures of formaldehyde + water, ÑM = 0 and, NM = NHMF1 = NHMFi
= 0 and in

formaldehyde + methanol mixtures, ÑW = 0, and, NW = NMG1 = NMGi
= 0.

The distribution of formaldehyde into the different oligomer species produced in Reactions

(5.1)–(5.4) in the liquid and vapour phases can be determined using the SAFT-γ Mie GC

approach through the fraction of molecules not bonded at a given site, Xi,k,a [31, 32], which is

calculated as part of the determination of the Helmholtz free energy in the SAFT EoS (Equation

(5.7)).

Given that Xi,k,a is the fraction of molecules of component i not bonded at a site of type

a on group k, (1 − Xi,k,a) is the fraction of molecules of component i that are bonded at a

site of type a on group k. For example, the proportion of formaldehyde molecules bonded at

the e∗ association site on the CH2O group is, (1−XF,CH2O,e∗) and the corresponding true mole

fraction is obtained by multiplying the overall composition of formaldehyde: x̃F(1−XF,CH2O,e∗).

Purely statistical arguments are used to estimate the true mole fraction of each species, where

the bonded fractions are treated as probabilities.

It is worth mentioning that in order to determine the distribution of reaction species in

the current work, the formation of oligomers up to i = 2 only in Reactions (5.2) and (5.4) is

taken into account, for simplicity; although the SAFT-γ Mie molecular model presented for

formaldehyde mixtures leads to the formation of longer oligomers. Hahnenstein et al. [343] and

Albert el al. [331] reported that the average number of CH2O segments in MGi and HMFi in

aqueous and methanolic binary mixtures of formaldehyde is 2.1 and 1.1, respectively, at 293 K

and an overall formaldehyde composition x̃F = 0.3. In aqueous solutions, the average number of

CH2O segments in MGi decreased with increasing temperature, while the effect of temperature

on the average number of CH2O segments in HMFi was negligible in methanolic solutions [343].

Hence, in our analysis of the speciation occurring in formaldehyde mixtures, we assume that

the true mole fraction of oligomers longer than MG2 and HMF2, in the liquid (xi) and vapour

(yi) phases, is zero, i.e., xMGi
= 0, yMGi

= 0, xHMFi
= 0 and yHMFi

= 0 for i = 3, 4, ...,∞.

In order to determine the composition of MG1, MG2, HMF1 and HMF2, it is perhaps
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more convenient to express the mass balances in Equations (5.14)–(5.19) in terms of the true,

xj =
Nj

Ntot
, and overall, x̃j =

Ñj

Ñtot
mole fractions of the components. The corresponding mass

balances in terms of the mole fractions of the components for a maximum chain length of i = 2

for MGi and HMFi, are given as

x̃F =
1

z
(xF + xMG1 + 2xMG2 + xHMF1 + 2xHMF2) , (5.20)

x̃W =
1

z
(xW + xMG1 + xMG2) , (5.21)

and,

x̃M =
1

z
(xM + xHMF1 + xHMF2) , (5.22)

where

z = 1 + xMG1 + 2xMG2 + xHMF1 + 2xHMF2 . (5.23)

5.4.1 Binary mixtures

In the analysis of formaldehyde + water and formaldehyde + methanol binary mixtures, we

use statistical arguments including Xi,k,a, calculated by the SAFT-γ Mie EoS, to determine the

true mole fraction of MG1, MG2, HMF1 and HMF2 using Equations (5.20)–(5.23).

5.4.1.1 Methylene glycol (MG1)

Reaction (5.1) is a nucleophilic addition reaction in which water acts as a nucleophile, attracted

by the partial positive charge of the carbon atom in the carbonyl group in formaldehyde, to

form MG1; this is represented by configuration I in Figure 5.3 (a). Here, however, we model all

the possible association schemes that would lead to the formation of an MG1 aggregate in the

SAFT-γ Mie model (cf. Figure 5.3 (a)). In order to determine the true mole fraction of MG1,

we sum the probability of each configuration forming. For each MG1 configuration, we multiply

the probability that the two corresponding association sites in Figure 5.3 (a) are bonded, and

that no other sites on formaldehyde can bond to the bonded site-type on water.
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Let us consider configuration I in Figure 5.3 (a). MG1 forms when the e site on H2O

and the e∗ site on CH2O are bonded, which is given by x̃W (1−XW,H2O,e) x̃F (1−XF,CH2O,e∗).

Additionally, to ensure that no H sites on CH2O bond to the free e site on H2O, we account for

the probability that the two H sites on CH2O are not bonded, (XF,CH2O,H)
2. Hence, the true

mole fraction of MG1 in configuration I, xMG1,I
, in Figure 5.3 (a) is obtained as

xMG1,I
= x̃W (1−XW,H2O,e) x̃F (1−XF,CH2O,e∗) (XF,CH2O,H)

2 . (5.24)

Following the same approach for other configurations of MG1 in Figure 5.3 (a), the true mole

fraction of MG1 xMG1 , in a formaldehyde + water mixture is given by,

xMG1 = xMG1,I
+ xMG1,II

+ xMG1,III

= x̃W (1−XW,H2O,e) x̃F (1−XF,CH2O,e∗) (XF,CH2O,H)
2

+ x̃W (1−XW,H2O,e) x̃F (1−XF,CH2O,H)XF,CH2O,e∗

+ x̃W (1−XW,H2O,H) x̃F (1−XF,CH2O,e) .

(5.25)

5.4.1.2 Dioxymethylene glycol (MG2)

MG2 is produced via a condensation reaction between two MG1 molecules according to Reaction

(5.2) for i = 2. Here we model all the possible configurations for the formation of MG2 (cf.

Figure 5.4 (a)). In order to determine the true mole fraction of MG2, xMG2 , in a formaldehyde +

water binary mixture, we sum the probability that each configuration would form. For example,

for MG2 to form in configuration I or II, the two e sites on H2O must be bonded and the two

H sites on H2O must not be bonded, to ensure that the bonding of e sites on H2O is to an H

site and/or an e∗ site on CH2O, we follow

xMG2,I
+ xMG2,II

= x̃W(1−XW,H2O,e)(1−XW,H2O,e) (XW,H2O,H)
2 , (5.26)

where xMG2,I
and xMG2,II

are the true mole fractions of MG2 in configurations I and II, respec-

tively. By multiplying XW,H2O,H in Equation (5.26) we ensure that the H2O does not associate
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with other H2O or CH2O groups via its H sites. For MG2 to form in configuration III, IV,

V or VI we express the probabilities in terms of the sites bonded and not bonded on CH2O.

Therefore,

xMG2 = xMG2,I
+ xMG2,II

+ xMG2,III
+ xMG2,IV

+ xMG2,V
+ xMG2,VI

= x̃W(1−XW,H2O,e)
2 (XW,H2O,H)

2

+ x̃F(1−XF,CH2O,H)
2 (XF,CH2O,e)

2XF,CH2O,e∗

+ x̃F(1−XF,CH2O,e)(1−XF,CH2O,e∗) (XF,CH2O,H)
2

+ x̃F(1−XF,CH2O,e)(1−XF,CH2O,H)XF,CH2O,e∗

+ x̃F(1−XF,CH2O,e)
2 (XF,CH2O,H)

2XF,CH2O,e∗ .

(5.27)

We note that in each term in Equation (5.27) we trace whether the reactive e∗ site on CH2O is

bonded or not bonded. For configurations III–VI this is done by explicitly specifying whether

the reactive e∗ site on CH2O is bonded or not bonded. For configurations I and II, we assume

that the two e sites on H2O are bonded to the e∗ site on CH2O and not the H site on H2O since

FCH2O−H2O,e∗−eKCH2O−H2O,e∗−e > FH2O−H2O,H−eKH2O−H2O,H−e as shown in Table 5.4.

In Table 5.8 a breakdown of the bonded (tick) and not bonded (cross) sites on H2O and

CH2O that are considered in the calculations of xMG1 and xMG2 in Equations (5.25) and (5.27),

respectively, are shown.

5.4.1.3 Hemiformal (HMF1)

Reaction (5.3) is a nucleophilic addition reaction, similar to Reaction (5.1), in which methanol

acts as a nucleophile, attracted by the partial positive charge of the carbon atom in the carbonyl

group in formaldehyde, to form HMF1; this is represented by configuration I in Figure 5.3 (b).

As for MG1, in our current work, we model all the possible configurations for the formation

of HMF1 in our SAFT-γ Mie model (cf. Figure 5.3 (b)). The true mole fraction of HMF1,

xHMF1 , in a formaldehyde + methanol mixture, can be determined by summing the probability

that each configuration would form. For each HMF1 configuration, we multiply the probability

that the two corresponding association sites in Figure 5.3 (b) are bonded. For example, in

configuration I in Figure 5.3 (b), HMF1 will form when the e site on CH3OH and the e∗ site
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Table 5.8: The association sites on formaldehyde, F, and water, W, which are bonded (✓) and
not-bonded (✗) for each configuration of MG1 and MG2 (cf. Figures 5.3 (a) and 5.4 (a)), in a
formaldehyde + water binary mixture, as expressed in Equations (5.25) and (5.27), respectively.

Oligomer Config.
Site on F Site on W

H e e∗ H e

MG1

I ✗✗ ✓ ✓

II ✓ ✗ ✓

III ✓ ✓

MG2

I, II ✗✗ ✓✓

III ✓✓ ✗✗ ✗

IV ✗✗ ✓ ✓

V ✓ ✓ ✗

VI ✗✗ ✓✓ ✗

on CH2O are bonded, which is given by x̃M (1−XM,CH3OH,e) x̃F (1−XF,CH2O,e∗). Additionally,

to ensure that no H sites on CH2O bond to the free e site on CH3OH, we account for the

probability that the two H sites on CH2O are not bonded, (XF,CH2O,H)
2. Hence, the true mole

fraction of HMF1 forming in configuration I, xHMF1,I
, in Figure 5.3 (b), becomes

xHMF1,I
= x̃M (1−XM,CH3OH,e) x̃F (1−XF,CH2O,e∗) (XF,CH2O,H)

2 . (5.28)

Therefore, xHMF1 in a formaldehyde + water mixture is given by,

xHMF1 = xHMF1,I
+ xHMF1,II

+ xHMF1,III

= x̃M (1−XM,CH3OH,e) x̃F (1−XF,CH2O,e∗) (XF,CH2O,H)
2

+ x̃M (1−XM,CH3OH,e) x̃F (1−XF,CH2O,H)XF,CH2O,e∗

+ x̃M (1−XM,CH3OH,H) x̃F (1−XF,CH2O,e) .

(5.29)
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5.4.1.4 Dioxymethylene hemiformal (HMF2)

HMF2 is produced via a condensation reaction between two HMF1 molecules according to

Reaction (5.4) for i = 2. Analogous to modelling MG2 (Section 5.4.1.2), we model all the

possible configurations for the formation of HMF2 (cf. Figure 5.4 (b)). The true mole fraction of

HMF2, xHMF2 , in a formaldehyde + methanol binary mixture can be determined by considering

the probability that HMF2 will form via one of the configurations in Figure 5.4 (b). For example,

for HMF2 to form in configuration I or II, the two e sites on CH3OH must be bonded and the

H site on CH3OH must not be bonded, such that

xHMF2,I
+ xHMF2,II

= x̃M(1−XM,CH3OH,e)
2XM,CH3OH,H , (5.30)

where xHMF2,I
and xHMF2,II

are the true mole fractions of HMF2 in configurations I and II,

respectively. By specifying XM,CH3OH,H we ensure that the CH3OH group does not associate

with other CH3OH or CH2O groups via the H site. For HMF2 to form in configuration III,

IV or V we express the probabilities in terms of the sites bonded and not bonded on CH2O.

Therefore,

xHMF2 = xHMF2,I
+ xHMF2,II

+ xHMF2,III
+ xHMF2,IV

+ xHMF2,V

= x̃M(1−XM,CH3OH,e)
2XM,CH3OH,H

+ x̃F(1−XF,CH2O,H)
2 (XF,CH2O,e)

2XF,CH2O,e∗

+ x̃F(1−XF,CH2O,e)(1−XF,CH2O,e∗) (XF,CH2O,H)
2

+ x̃F(1−XF,CH2O,e)(1−XF,CH2O,H)XF,CH2O,e∗ .

(5.31)

We note that in each term in Equation (5.31), we trace the bonding status of the reactive e∗ site

on CH2O. For configurations III–V this is done by explicitly specifying whether the reactive

e∗ site on CH2O is bonded or not-bonded. For configurations I and II, we assume that the two

e sites on CH3OH are bonded to the e∗ site on CH2O and not the H site on CH3OH, since

FCH2O−CH3OH,e∗−eKCH2O−CH3OH,e∗−e > FCH3OH−CH3OH,H−eKCH3OH−CH3OH,H−e as shown in Table

5.4.

In Table 5.9 a breakdown of the bonded (tick) and not-bonded (cross) sites on CH3OH
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and CH2O that are considered in the calculations of xHMF1 and xHMF2 in Equations (5.29) and

(5.31), respectively, are shown.

Table 5.9: The association sites on formaldehyde, F, and methanol, M, which are bonded (✓)
and not-bonded (✗) for each configuration of HMF1 and HMF2 (cf. Figure 5.3 (b) and 5.4
(b)), in a formaldehyde + methanol mixture, as expressed in Equations (5.29) and (5.31),
respectively.

Oligomer Config.
Site on F Site on M

H e e∗ H e

HMF1

I ✗✗ ✓ ✓

II ✓ ✗ ✓

III ✓ ✓

HMF2

I, II ✗ ✓✓

III ✓✓ ✗✗ ✗

IV ✗✗ ✓ ✓

V ✓ ✓ ✗

5.4.2 Ternary mixtures

In order to predict the distribution of the reaction species in mixtures of formaldehyde + water

+ methanol, the component mass balances are used as well as information on the fraction of

molecules not bonded, Xi,k,a, from the SAFT-γ Mie EoS. The complexity of estimating the

distribution of species increases for a ternary mixture due to the presence of an additional

component in the solution which competes for the association sites on CH2O. Therefore, ex-

pressions involving Xi,k,a of the components are more specific for ternary mixtures, compared

to binary ones, where information on the sites bonded on the two components making up the

oligomer are specified for each configuration; that is in contrast to specifying the sites bonded

on only one of the components for binary mixtures (cf. Equations (5.27) and (5.31)).

In the current work, xHMF2 and xMG2 are predicted using expressions of Xi,k,a then, xHMF1

and xMG1 are calculated from the material balances given in Equations (5.20)–(5.23).
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5.4.2.1 MG2

The true mole fraction of MG2, xMG2 , in a formaldehyde + water + methanol ternary mixture,

is determined by the probability that MG2 will form via one of the configurations in Figure 5.4

(a). For example, for MG2 to form in configuration I, the two e sites on H2O must be bonded

and the two H sites on H2O must not be bonded, in addition to the e∗ sites on the two CH2O

molecules being bonded i.e.,

xMG2,I
= x̃W (1−XW,H2O,e)

2 (XW,H2O,H)
2 x̃F (1−XF,CH2O,e∗)

2 . (5.32)

Following a similar approach to calculate the probability of the formation of the remaining

MG2 configurations, the true mole fraction of MG2 xMG2 is given by

xMG2 = xMG2,I
+ xMG2,II

+ xMG2,III
+ xMG2,IV

+ xMG2,V
+ xMG2,VI

= x̃W (1−XW,H2O,e)
2 (XW,H2O,H)

2 x̃F (1−XF,CH2O,e∗)
2

+ x̃W (1−XW,H2O,e)
2 (XW,H2O,H)

2 x̃F (1−XF,CH2O,e∗) (1−XF,CH2O,H)

+ x̃F (1−XF,CH2O,H)
2 (XF,CH2O,e)

2XF,CH2O,e∗ x̃W (1−XW,H2O,e)
2

+ x̃F (1−XF,CH2O,e) (1−XF,CH2O,e∗) (XF,CH2O,H)
2 x̃W (1−XW,H2O,e) (1−XW,H2O,H)

+ x̃F (1−XF,CH2O,e) (1−XF,CH2O,H)XF,CH2O,e∗ x̃W (1−XW,H2O,e) (1−XW,H2O,H)

+ x̃F (1−XF,CH2O,e)
2 (XF,CH2O,H)

2XF,CH2O,e∗ x̃W (1−XW,H2O,H)
2 .

(5.33)

By comparing the calculation of xMG2 in binary and ternary mixtures, given by Equations

(5.27) and (5.33), respectively, we note that for xMG2 in ternary mixtures we use information

of the sites bonded or not bonded for the two components (formaldehyde and water) in each

term in Equation (5.33). This is in contrast to using the fraction of bonded sites for one of the

components in each term in Equation (5.27) for the formaldehyde + water binary mixture. In

the ternary formaldehyde + water + methanol mixture, the third component (methanol in this

case) is competing with water to associate with formaldehyde, hence, we follow a more specific

formulation in Equation (5.33) to ensure that the calculation is accounting for the formation of
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MG2 only. The differences in the formulations of xMG2 in binary and ternary mixtures is also

shown by comparing Tables 5.8 and 5.10 for MG2.

Table 5.10: The association sites on formaldehyde, F, water, W, and methanol, M, which are
bonded (✓) and not-bonded (✗) for each configuration of MG2 and HMF2 (cf. Figures 5.4 (a)
and (b)), in a formaldehyde + water + methanol mixture, as expressed in Equations (5.33) and
(5.35), respectively.

Oligomer Config.
Site on F Site on W Site on M

H e e∗ H e H e

MG2

I ✓✓ ✗✗ ✓✓

II ✓ ✓ ✗✗ ✓✓

III ✓✓ ✗✗ ✗ ✓✓

IV ✗✗ ✓ ✓ ✓ ✓

V ✓ ✓ ✗ ✓ ✓

VI ✗✗ ✓✓ ✗ ✓✓

HMF2

I ✓✓ ✗ ✓✓

II ✓ ✓ ✗ ✓✓

III ✓✓ ✗✗ ✗ ✓✓

IV ✗✗ ✓ ✓ ✓ ✓

V ✓ ✓ ✗ ✓ ✓

5.4.2.2 HMF2

The true mole fraction of HMF2, xHMF2 , in a formaldehyde + water + methanol ternary mixture,

is determined by the probability that HMF2 will form via one of the configurations in Figure

5.4 (b). Hence, we sum the probability that each configuration would form. For example, for

HMF2 to form in configuration I , the two e sites on CH3OH must be bonded, the H site on

CH3OH must not be bonded and the e∗ sites on the two CH2O molecules should be bonded,

i.e.,

xHMF2,I
= x̃M (1−XM,CH3OH,e)

2XM,CH3OH,H x̃F (1−XF,CH2O,e∗)
2 . (5.34)
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Following a similar approach to calculate the probability of the formation of the remaining

HMF2 configurations, xHMF2 is given by

xHMF2 = xHMF2,I
+ xHMF2,II

+ xHMF2,III
+ xHMF2,IV

+ xHMF2,V

= x̃M (1−XM,CH3OH,e)
2XM,CH3OH,H x̃F (1−XF,CH2O,e∗)

2

+ x̃M (1−XM,CH3OH,e)
2XM,CH3OH,H x̃F (1−XF,CH2O,e∗)(1−XF,CH2O,H)

+ x̃F (1−XF,CH2O,H)
2 (XF,CH2O,e)

2XF,CH2O,e∗ x̃M (1−XM,CH3OH,e)
2

+ x̃F (1−XF,CH2O,e) (1−XF,CH2O,e∗) (XF,CH2O,H)
2 x̃M (1−XM,CH3OH,e) (1−XM,CH3OH,H)

+ x̃F (1−XF,CH2O,e) (1−XF,CH2O,H)XF,CH2O,e∗ x̃M (1−XM,CH3OH,e) (1−XM,CH3OH,H) .

(5.35)

By comparing the calculation of xHMF2 in binary and ternary mixtures, given by Equations

(5.31) and (5.35), respectively, we note that for xHMF2 in ternary mixtures we use information

of the sites bonded or not bonded for the two components (formaldehdye and water) in each

term in Equation (5.35). This is in contrast to using the fraction of bonded sites for one of the

components in each term in Equation (5.31) for the formaldehyde + methanol binary mixture.

In the ternary mixture, the third component (water in this case) is competing with methanol

to associate with formaldehyde, hence, we follow a more specific formulation in Equation (5.35)

to ensure that the calculation is accounting for the formation of HMF2 only. The differences in

the formulations of xHMF2 in binary and ternary mixtures is also shown by comparing Tables

5.8 and 5.10 for HMF2.

5.4.2.3 MG1 and HMF1

As mentioned previously, xHMF1 and xMG1 are determined by solving the mass balances in

Equations (5.20)–(5.23) simultaneously, and using xMG2 and xHMF2 obtained from Equations

(5.33) and (5.35), respectively. However, to solve Equations (5.20)–(5.23) the true mole fraction

of formaldehyde, xF, and the true mole fraction of methanol, xM, or water, xW, must be known.

Pure formaldehyde predominantly forms when the e∗ site on CH2O is not bonded hence, xF
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is given by

xF = x̃FXF,CH2O,e∗ . (5.36)

Additionally, methanol forms when none of the sites on the CH3OH group are bonded or, when

all the sites (the two e sites and one H site) on a CH3OH group associate with sites on other

CH3OH groups. Consequently, the true mole fraction of methanol, xM, can be calculated as

xM = x̃M

[
XM,CH3OH,eXM,CH3OH,H + (1−XM,CH3OH,e)

2 (1−XM,CH3OH,H)
]
. (5.37)

5.4.3 Speciation predictions

To determine the distribution of species in binary and ternary mixtures containing formaldehyde

we follow the methodology outlined in Sections 5.4.1 and 5.4.2, and compare our predictions

to experimental data to assess the validity of our calculations. The experimental data in the

literature [328, 332, 343, 345, 353] are reported for the liquid phase only. Hence, the predictions

by our model are only shown for the liquid phase. It is important to note however, that the same

methodology is applicable for predicting the distribution of species at any P, T, x, including in

the vapour phase.

5.4.3.1 Binary mixtures

In formaldehyde + water mixtures, methylene glycol (MG1) and poly(oxy)methylene glycols

(MGi) are formed according to Reactions (5.1) and (5.2). The expressions given in Equations

(5.25) and (5.27) are used to calculate xMG1 and xMG2 , respectively. Good agreement between

our predictions and experimental data by Albert et al. [332] can be seen in Figures 5.11 (a) and

(b) at 338.15 K and 368.15 K, respectively. Very small deviations, in terms of AAD, for xMG1

and xMG2 are obtained at both temperatures (Table 5.11). This level of agreement is especially

remarkable considering the SAFT-γ Mie results are fully predictive.

Furthermore, the mole fraction of each of the configurations of MG1 (cf. Figures 5.3 (a))

are presented in Figures 5.11 (c) and (d). The total true mole fraction of MG1, xMG1 , is the
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sum of the mole fractions of each of the configurations. As can be seen, configuration III is

found in highest concentration, followed by configuration I; the mole fraction of configuration

II, in which the H site on CH2O and the e site on H2O are bonded, is found to be negligible.

Similarly, in Figure 5.11 (e) and (f) the true mole fraction of each configuration of MG2 (cf.

Figures 5.4 (a)) at 338.15 K and 368.15 K, respectively, are shown. It is evident from Figures

5.11 (e) and (f) that configurations I, II and IV, in which the e∗ site on at least one of the

CH2O groups is bonded to an e site on H2O, are present in the highest mole fractions. The

mole fractions of configurations III, V and VI, which do not involve the association of any e∗

on CH2O, are found to be negligible at the two temperatures.

We note that the model predictions for xMG2 at 338.15 K (Figures 5.11 (a) and (e)) show

that xMG2 = 8.44 × 10−3 (instead of zero) for x̃F = 0, this is due to the numerical values

of XW,H2O,e and XW,H2O,H which are found to be slightly different from 1 and 0, respectively

(cf. Equation (5.27)). This calculated value of xMG2 is accounted for in the determination of

the deviation of the model from experimental data (where xexp
MG2

= 0 for x̃F = 0) at 338.15 K

(Table 5.11). A similar behaviour can be observed at 368.15 K (Figures 5.11 (b) and (f)). The

corresponding calculated value of xMG2 for x̃F = 0 is also considered in the calculation of AAD

xMG2 at 368.15 K (Table 5.11).

Table 5.11: The average absolute deviation (AAD) between the SAFT-γ Mie calculations and
experimental data [328, 332] for the true mole fraction of MG1 (xMG1) and MG2 (xMG2) and, of
HMF1, (xHMF1) and HMF2 (xHMF2) in binary mixtures of formaldehyde + water and formalde-
hyde + methanol, respectively.

T / K P / MPa ND
X AAD xMG1 AAD xMG2 ref

338.15 0.101 7 0.0555 0.00732 [332]

368.15 0.101 11 0.0436 0.01350 [332]

T / K P / MPa ND
X AAD xHMF1 AAD xHMF2 ref

276 0.101 12 0.3169 0.0257 [328]

Considering the case of formaldehyde + methanol mixtures, hemiformal (HMF1) and

poly(oxy)methylene hemiformals (HMFi) are formed according to Reactions (5.3) and (5.4),

respectively. In our approach, the true mole fraction of HMF1 and HMF2 can be obtained

using Equations (5.29) and (5.31), respectively. Very good agreement between our predictions
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Figure 5.11: The true liquid mole fraction of MG1 and MG2 for a given overall formaldehyde
liquid-phase mole fraction in a formaldehyde + water binary mixture at 0.101 MPa and (a)
338.15 K, and (b) 368.15 K. Symbols represent experimental data [332] and continuous curves
are SAFT-γ Mie predictions. In (c) and (d), at 338.15 K and 368.15 K, respectively, dashed
curves are SAFT-γ Mie predictions of the true mole fraction of the configurations of MG1 (cf.
Figure 5.3 (a)). In (e) and (f), at 338.15 K and 368.15 K, respectively, dashed curves are
SAFT-γ Mie predictions of the true mole fraction of the configurations of MG2 (cf. Figure
5.4 (a)). The continuous curves in (c)–(f) are SAFT-γ Mie predictions of the total true mole
fraction of the species (the summation of the dashed curves).

and experimental data of Albert et al. [328] is shown in Figure 5.12 for xHMF2 , which is also ev-

ident by the low AAD reported in Table 5.11. However, higher deviations between the SAFT-γ
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Mie calculations and experimental data for xHMF1 are observed in Table 5.11.
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Figure 5.12: The true liquid mole fraction of HMF1 and HMF2 for a given overall formaldehyde
liquid-phase composition in a formaldehyde + methanol binary mixture at 276 K and 0.101
MPa. The symbols correspond to experimental data [328, 343], and the curves to SAFT-γ Mie
predictions of the different aggregates as indicated in each figure.
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The concentration of each of the configurations of HMF1 and HMF2 shown in Figures 5.3

(b) and 5.4 (b) are presented in Figure 5.12 together with the corresponding total true mole

fractions at each x̃F. For HMF1, configuration III is seen in the highest mole fraction, followed

by configuration I; the mole fraction of configuration II is found to be negligible. It is shown

in Figure 5.12 (c), that for HMF2, configurations I, II and IV have the highest mole fractions,

with the remaining configurations having negligible mole fractions in this mixture.

We note, that the model predictions for xHMF2 at 276 K (Figures 5.12 (a) and (c)) show

that xHMF2 = 2.69 × 10−3 (instead of zero) for x̃F = 0, this is due to the numerical values of

XM,CH3OH,e and XM,CH3OH,H which are found to be slightly different from 1 and 0, respectively

(cf. Equation (5.31)). This calculated value of xHMF2 is accounted for in the determination of

the deviation of the model from experimental data (where xexp
HMF2

= 0 for x̃F = 0) in terms of

the AAD of xHMF2 at 276 K (Table 5.11).

5.4.3.2 Ternary mixtures

In the ternary (formaldehyde + water + methanol) system, methylene glycol MG1, hemifor-

mal HMF1, poly(oxy)methylene glycols MGi and poly(oxy)methylene hemiformals HMFi are

formed. The SAFT-γ Mie EoS can be used to predict the true mole fractions of MG1, MG2,

HMF1 and HMF2, xMG1 , xMG2 , xHMF1 and xHMF2 , respectively. The methodology discussed

in Section 5.4.2 and Equations (5.20)–(5.23) are used to predict the distribution of reaction

species in the current work.

In Figure 5.13 a comparison of the SAFT-γ Mie predictions for the distribution of species is

compared with experimental data. Two experimental data sets [345] (A and B) are considered.

The experimental data are obtained using 13C NMR spectroscopy, and the difference between

the two experimental data sets is the NMR techniques and instruments used [345]. Very

good agreement between our calculations and experimental data can be seen in the figures.

The corresponding AADs for all the mixtures are shown in Table 5.12. Particularly accurate

predictions are obtained for xMG2 , xHMF1 and xHMF2 with overall AADs xi < 0.02. However, an

over-estimation of xMG1 can be seen in all the ternary mixtures of Figure 5.13 which leads to a
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relatively higher AAD for xMG1 (Table 5.12). This is, in part, due to the assumption used in our

calculation of the concentration of species’, that the maximum oligomer length of methylene

glycols that form, is MG2, such that xMGi = 0 for i = 3, 4, ...,∞. The over estimation of xMG1

indicates that perhaps longer MGi oligomers have non-negligible mole fractions. To overcome

this limitation and confirm the formation of longer oligomers, the lattice-based Flory-Huggins

theory [354, 355], which is commonly used to study the thermodynamic behaviour of polymer

solutions, can be used in future work to determine the concentration of all the oligomers that

form (i.e. xMGi and xHMFi for i = 1, 2, ...,∞).

Table 5.12: The average absolute deviation (AAD) between the SAFT-γ Mie predictions and
experimental data [345] for the true mole fraction of MG1 (xMG1), MG2 (xMG2), HMF1 (xHMF1)
and HMF2 (xHMF2) in the liquid phase of formaldehyde + water + methanol ternary mixtures
at P = 0.101 MPa, corresponding to Figure 5.13. Here, one data point is used to calculate the
AADs in each case (ND

X = 1).

T / K x̃F x̃M AAD xMG1 AAD xMG2 AAD xHMF1 AAD xHMF2

348 0.3047 0.2087 9.48 ×10−2 9.98 ×10−4 5.02 ×10−3 2.10 ×10−3

348 0.3323 0.2933 8.08 ×10−2 3.19 ×10−3 2.55 ×10−3 3.60 ×10−3

298 0.3047 0.2087 1.60 ×10−1 3.08 ×10−5 4.71 ×10−2 1.37 ×10−2

All 1.12 ×10−1 1.41 ×10−3 1.82 ×10−2 6.46 ×10−3

The true mole fraction of each configuration considered for MG2 and HMF2 in the ternary

mixtures calculated from the fraction of molecules not bonded at given sites from the SAFT-γ

Mie EoS using Equations (5.33) and (5.35), respectively, are shown in Figure 5.13. As can be

seen, both in MG2 and HMF2, configurations I, II and IV, which involve the association of the

e∗ site of CH2O, are present in the highest mole fractions. For HMF2 and MG2 this result is

consistent with the findings for the binary mixtures, and is expected given the relatively higher

association strength of the e sites of CH3OH and H2O with the e∗ site on CH2O (cf. Table 5.4).
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Figure 5.13: The true liquid-phase mole fraction ((a), (c) and (e)) of MG1, MG2, HMF1 and
HMF2 and ((b), (d) and (f)) of each of the configurations of MG2 (cf. Figure 5.4 (a)) and
HMF2 (cf. Figure 5.4 (b)) in ternary mixtures of formaldehyde + water + methanol. In (a)
and (b) the ternary mixture is at T = 348 K, P = 0.101 MPa and overall composition x̃F =
0.3047, x̃W = 0.4866 and x̃M = 0.2087. In (c) and (d) the ternary mixture is at T = 348 K,
P = 0.101 MPa and overall composition x̃F = 0.3323, x̃W = 0.3684 and x̃M = 0.2933. In (e)
and (f) the ternary mixture is at T = 298 K, P = 0.101 MPa and overall composition of x̃F

= 0.3047, x̃W = 0.4866 and x̃M = 0.2087. The blue and red bars correspond to experimental
data [345] and gray bars to SAFT-γ Mie predictions. The colored bars in (b), (d) and (f) are
SAFT-γ Mie predictions.

5.5 Conclusions

We have presented the development of SAFT-γ Mie group-contribution (GC) models to predict

the thermodynamic fluid-phase equilibria in binary and ternary mixtures containing formalde-
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hyde with water and methanol. In the modelling of the phase equilibria of these mixtures, we

account for the oligomerization reactions that occur in the liquid and vapour phases. We fol-

low a physical approach to modelling the reactions, in which the reaction products are treated

implicitly and are considered to be aggregates of the reactants.

We develop the SAFT-γ Mie parameters for the new CH2O group representing formalde-

hyde by using experimental data of the saturated liquid density, vapour pressure and enthalpy

of vaporization in pure formaldehyde for the parameter estimation. Previously published pa-

rameters for CH3OH and H2O are used in the current work. The unlike interaction parameters

between CH2O and H2O, and between CH2O and CH3OH, are obtained by fitting to experi-

mental vapour-liquid equilibria (VLE) data of binary mixtures of formaldehyde + water and

formaldehyde + methanol, respectively. The newly obtained parameters are validated by com-

paring the SAFT-γ Mie predictions of the VLE in binary mixtures containing formaldehyde to

experimental data which are not included in the parameter estimation. Excellent agreement

with experimental data is obtained, and the model is able to capture the azeotropes in the

VLE profiles of these binary mixtures. The VLE in ternary mixtures of formaldehyde + water

+ methanol is predicted using the SAFT-γ Mie GC approach without fitting any additional

parameters; obtaining a close agreement to experimental data with an overall %AAD of 3.78%.

In our model, the oligomerization reactions of formaldehyde with water and methanol are

considered to take place in the liquid and vapour phases. The vapour phase is treated as a non-

ideal gas, with the thermodynamic properties calculated using the SAFT-γ Mie equation of state

(EoS). The reactions taking place in the liquid and vapour phases are modelled using a reactive,

e∗, site on the formaldehyde group (CH2O), to mediate the formation of reaction products. The

reactive e∗ site is only allowed to associate with the e sites on the methanol (CH3OH) and water

(H2O) groups, and it remains inactive in solutions of pure formaldehyde. Other association

interactions, which represent the hydrogen bonding that can take place between the groups in

a mixture, are considered as usual within the SAFT-γ Mie GC approach.

The nature of speciation and distribution of reaction products in binary and ternary mix-

tures of formaldehyde with water and methanol is investigated using information of the fraction
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of molecules i not bonded at a given site a on group k, Xi,k,a, obtained from the SAFT-γ Mie

EoS. Statistical arguments are used to determine the true mole fraction of methylene glycol

(MG1), dioxymethylene glycol (MG2), hemiformal (HMF1) and dioxymethylene hemiformal

(HMF2) in formaldehyde + water, formaldehyde + methanol and formaldehyde + water +

methanol mixtures, where the bonded fractions are treated as probabilities. Very good agree-

ment to experimental data is obtained. Using our methodology, it is possible to determine the

configuration which is most likely to form for each oligomer. Interestingly, we find that the

MG2 and HMF2 configurations involving the association of the reactive e∗ site of CH2O exhibit

the highest mole fractions in the ternary mixtures.

The findings from our current work demonstrate the applicability of the SAFT-γ Mie GC

approach for studying the complex mixtures containing formaldehyde, in particular, for under-

standing the phase behaviour and the nature of speciation in binary and ternary mixtures of

formaldehyde with water and methanol; which can influence the chemical reaction kinetics and

transport properties of these mixtures. This can be done without requiring any experimental

information for these mixtures. The predictive SAFT-γ Mie model developed in the current

work is relevant to various industrial applications involving formaldehyde, and is particularly

useful for enhancing the stability and extending the shelf-life of drugs in the pharmaceutical

industry.
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Conclusions

In recent years, efforts in the pharmaceutical industry have been focused on the adoption of

more-digital technologies in every stage of drug product development, from the early stages of

drug discovery to the manufacturing and supply of the drug product. Lately, it has become

apparent in the industry that using process systems engineering (PSE) concepts can speed up

the development of continuous and greener manufacturing practices.

Pharmaceutical process design heavily relies on predictive thermodynamic modelling tools

to gain an understanding of the physicochemical properties of the system of interest and to iden-

tify required laboratory work. Experiments are fundamental for pharmaceutical R&D, however,

through using modelling tools experimental efforts can be focused on the most promising areas,

enabling more efficient drug product development and manufacturing. Some of the commonly

used thermodynamic modelling tools for this purpose in the industry include, COSMO-RS,

COSMO-SAC and NRTL-SAC. Additionally, group contribution (GC) approaches have in-

creased in popularity in the industry due to their high predictive power, with the use of UNI-

FAC, an activity coefficient based method, being the most common. Another category of GC

approaches that have been gaining increasing interest for pharmaceutical applications are equa-

tions of state, in particular, the statistical associating fluid theory (SAFT).

An overview of the history of SAFT is provided in Chapter 2, in addition to a description

of the various homonuclear and heteronuclear SAFT approaches that have been developed over

168
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the years. We present a review of the application of these SAFT approaches to pharmaceuti-

cal systems containing APIs (small molecules), amino acids and peptides (medium and large

molecules). Following this, we introduce the theory of the SAFT-γ Mie GC approach which

can be used to predict thermodynamic properties of molecular systems and electrolytes. The

methodology for calculating fluid phase equilibria and solid-liquid solubility using this GC ap-

proach is then discussed.

In Chapter 3, we demonstrate the applicability of the SAFT-γ Mie GC equation of state

(EoS) for predicting the phase behaviour and pH-solubility profiles of two acidic ionisable APIs,

ibuprofen and ketoprofen, in aqueous solution. Group interaction parameters presented in pre-

vious work are used, with the explicit intention to examine the predictive power of the approach.

The various types of phase equilibria that take place at atmospheric pressure and across a wide

temperature range, including vapour–liquid equilibria (VLE), liquid–liquid equilbria (LLE),

and solid–liquid equilibria (SLE) at very low mole fractions of the APIs (≈ 10−6) are predicted.

Our calculations highlight the difficulty in carrying out experimental measurements at such low

concentrations and perhaps explain the lack of available literature data for many APIs. We

obtain very good agreement with available SLE solubility data of ibuprofen and ketoprofen, and

for the temperature range over which LLE is observed in ibuprofen solutions. By considering

the speciation of the APIs, the acidic buffering agents, and the inorganic and organic counter

ions in solution, we develop a model to predict the pH-solubility profile of the APIs in aqueous

solutions. Excellent agreement with experimental data for the pH-solubility profile predictions

of aqueous solutions of ibuprofen and ketoprofen buffered by HCl and NaOH at 298.15 K and

310.15 K, is obtained. In view of the pharmaceutical industry moving towards the use of more-

diverse counter ions, we extend our predictions to treat several amines as the source of organic

counter ions in aqueous ibuprofen solutions. We demonstrate the capability of the SAFT-γ Mie

GC approach in handling complex mixtures of molecular and ionic groups. The findings from

this chapter demonstrate the applicability of the SAFT-γ Mie GC approach for pharmaceuti-

cal systems, particularly for understanding the phase behaviour of APIs and the pH-solubility

profiles, including the relevance of this tool for salt selection and disproportionation.

Subsequently, the model presented for predicting the pH-solubility profiles of monoprotic
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APIs in Chapter 3 is extended in Chapter 4 to study the solubility of ionisable diprotic APIs.

The SAFT-γ Mie GC approach is used to model the intrinsic and pH-dependent solubility of

procaine, a weakly basic diprotic API. First, in order to model the molecular and ionised forms

of procaine within the SAFT-γ Mie GC framework, we expand the SAFT-γ Mie matrix of

groups by introducing new groups and their unlike interactions with other groups. Hence, the

parameter estimation workflow within the SAFT-γ Mie approach is demonstrated in this chap-

ter through the development of three new groups: the aCCOO, aCNH2 and aCNH+
3 groups,

in addition to their unlike interactions with other groups in the mixtures. Consequently, the

intrinsic solubility of procaine in aqueous solutions is predicted using the SAFT-γ Mie GC

approach and is shown to be in good agreement with experimental data. By extending the

model presented in Chapter 3, a thermodynamic framework to predict the pH-solubility profile

of diprotic APIs is developed, using procaine as an example. Overall good agreement to exper-

imental data is obtained using HCl and NaOH as buffering agents to develop the pH-solubility

profile of the API, including the precipitation of the procaine hydrochloride salt. The findings

from this chapter demonstrate the transferability of the SAFT-γ Mie groups and the applica-

bility of the approach for predicting thermodynamic properties of diprotic APIs. Furthermore,

we present an outlook on the limitations of the developed framework and discuss the additional

experimental data required for accounting for the precipitation of the dihydrochloride salt of

procaine.

Following that, in Chapter 5 we study the phase behaviour of more-complex pharmaceutical

mixtures containing formaldehyde, an undesirable degradation agent affecting the shelf-life of

pharmaceutical drugs. Among other sources, formaldehyde can be produced by some excipients

during storage, negatively impacting the stability of drugs. Therefore, in this chapter we study

the thermodynamic fluid-phase equilibria of mixtures containing formaldehyde. In particular,

we study the phase behaviour of binary and ternary mixtures of formaldehyde with water and

methanol. These mixtures are of interest as formaldehyde, due to its high reactivity, is usually

stored, sold and processed in the form of aqueous solutions, with methanol added for enhanced

stability. The SAFT-γ Mie GC approach is used to model the VLE of these mixtures, account-

ing for the oligomerization reactions that occur in the liquid and vapour phases. We follow a
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physical approach to modelling the reactions, in which the reaction products are treated im-

plicitly and are considered to be aggregates of the reactants. In terms of VLE calculations,

excellent agreement with experimental data is obtained for binary mixtures of formaldehyde +

water and formaldehyde + methanol. Following that, the VLE in ternary mixtures of formalde-

hyde + water + methanol is accurately predicted using the GC approach, without fitting any

additional parameters. Moreover, the distribution of reaction products in binary and ternary

mixtures of formaldehyde with water and methanol is investigated using information of the

fraction of molecules not bonded at a given association site on a specific group, which can be

obtained from the SAFT-γ Mie EoS. Consequently, it is possible to determine the concentration

of the oligomers at various conditions of temperature and pressure, showcasing the applicability

of the SAFT-γ Mie GC approach for studying the speciation occurring in complex mixtures.

6.1 Summary of key achievements

The key contributions presented in this thesis can be summarized as follows:

• The development of a predictive framework to determine the pH-dependent solubility of

ionisable active pharmaceutical ingredients (APIs). The SAFT-γ Mie group-contribution

(GC) approach is used predictively to obtain the pH-solubility profiles of two monoprotic

APIs, ibuprofen and ketoprofen, in aqueous solution containing various buffering agents.

Equilibrium constants for the dissociation of the APIs and the formation of salts (pKa

and Ksp values) are also incorporated in the model using experimental values from litera-

ture. Excellent agreement with experimental data is obtained for the pH-solubility profile

predictions of the APIs in aqueous solutions buffered by HCl and NaOH at 298.15 K and

310.15 K.

• The capability of the SAFT-γ Mie GC approach in handling complex mixtures of molecu-

lar and ionic groups is demonstrated by using various inorganic bases as buffering agents

and as sources of counter ions to develop the pH-solubility profiles of ibuprofen and ke-

toprofen in water. Additionally, by using several amines as the source of organic counter
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ions in aqueous ibuprofen solutions, we could use the predicted pH-solubility profiles to

determine the values of the thermodynamic Ksp and pHmax for the ibuprofen amine salts;

highlighting the relevance of the SAFT-γ Mie GC approach for salt selection and dispro-

portionation.

• The prediction of the complete phase diagrams of ibuprofen and ketoprofen in aqueous

solutions using the SAFT-γ Mie GC approach is demonstrated, including the solid–liquid

equilibria (SLE), the liquid–liquid equilibria (LLE) (also known as oiling-out or liquid-

liquid phase separation) and the vapour–liquid equilibrium (VLE) at very low mole frac-

tions of the APIs (≈ 10−6). Our calculations emphasize the difficulty in performing

experimental measurements at such low concentrations, possibly explaining the lack of

available data for many APIs in the literature.

• The SAFT-γ Mie approach is used to study thermodynamic properties of diprotic com-

pounds for the first time. In particular, the GC approach is used to calculate the intrinsic

solubility and the pH-solubility profile of the diprotic basic API procaine. Predictions

of the temperature- and pH-dependent solubility of the API in water are in very good

agreement to experimental data; highlighting the applicability of the approach for study-

ing diprotic, in addition to monoprotic, APIs.

• The SAFT-γ Mie matrix of groups has been extended in this thesis to study various mix-

tures of ionisable APIs in aqueous solutions. Four new groups are introduced, namely,

the NH+
3 group, to study mixtures of ibuprofen with amine buffers, and the aCCOO,

aCNH2 and aCNH+
3 groups to model procaine mixtures; in addition to their unlike in-

teractions with other groups present in the systems of interest. The group parameters

are estimated using experimental data of simpler compounds containing the groups after

which they are used to predict properties of the APIs within the SAFT-γ Mie framework.

The good agreement between experimental data and the SAFT-γ Mie predictions for API

mixtures, presented in this thesis, showcase the transferability of the SAFT-γ Mie group

interactions, considering that no data related to the APIs are used to obtain the group

interaction parameters.
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• The thermodynamic fluid-phase equilibria in binary and ternary mixtures containing

formaldehyde (an API degradation agent produced by some excipients) with water and

methanol is predicted using the SAFT-γ Mie GC approach. The oligomerization reac-

tions taking place in the liquid and vapour phases are considered in the modelling of

the phase behaviour of these mixtures. A physical approach to modelling the reactions

is followed, in which the reaction products are treated implicitly and are considered to

be aggregates of the reactants. Excellent agreement with experimental data is obtained

for the VLE phase boundaries of binary and ternary mixtures of formaldehyde with the

solvents. Moreover, the nature of speciation and the distribution of reaction products in

formaldehyde + water, formaldehyde + methanol and formaldehyde + water + methanol

mixtures is successfully predicted using the SAFT-γ Mie equation of state.

6.2 Directions for future work

In this thesis, the SAFT-γ Mie GC approach has been shown to deliver accurate property

predictions for pharmaceutical systems, which can be useful for focusing experimental efforts

on the necessary experiments, ultimately saving time and costs for the industry. To continue

applying this modelling tool for pharmaceutical mixtures however, an important avenue for

future work, is the expansion of the SAFT-γ Mie groups database. Pharmaceutical compounds

are multifunctional molecules which exhibit complex speciation in solutions. Therefore, the

continuous development of new SAFT-γ Mie group parameters is necessary to include the

molecular and ionic functional groups often found in pharmaceutical mixtures.

In Chapters 3 and 4 a predictive thermodynamic framework for developing the pH-solubility

profile of small molecule APIs (monoprotic and diprotic) was presented. In future work, this

framework can be used to study the pH-dependent solubility of medium to large molecules

such as amino acids and peptides. In recent years, large molecules (e.g. peptides), which

are composed of a defined sequence of amino acids, have gained increased attention from the

pharmaceutical industry in order to develop new therapies for unmet medical needs [356].
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Amino acids and peptides are zwiterrionic in nature and are predominantly found in the ionised

form in solution. Hence, accurate solubility predictions of amino acids and peptides are only

possible when pH effects, and the consequent ionisation of the species, are considered.

Another interesting area for future work is modelling the oligomerization reactions of formalde-

hyde with water and methanol via the chemical approach, using the SAFT-γ Mie EoS. In the

chemical approach, all the reaction products have to be accounted for explicitly and the reac-

tions are represented in terms of the reaction equilibrium constants. Following that, a compari-

son can be done with the physical approach used for modelling these reactions in Chapter 5, to

show, and further confirm, the equivalence of the two approaches for modelling the oligomeriza-

tion reactions when studying the phase behaviour and the nature of speciation in formaldehyde

mixtures.

6.3 Publications and conferences

6.3.1 Publications

• Wehbe, M., Haslam, A. J., García-Muñoz, S., Jackson, G. & Galindo, A. Thermody-

namic modelling of the nature of speciation and phase behavior of binary and ternary

mixtures of formaldehyde, water and methanol (submitted to Thermodynamics 2022 Spe-

cial Issue in Mol. Phys. ).

• Wehbe, M., Haslam, A. J., Jackson, G. & Galindo, A. Phase behaviour and pH-solubility

profile prediction of aqueous buffered solutions of ibuprofen and ketoprofen. Fluid Phase

Equilib. 560, 113504 (2022).

• Haslam, A. J., González-Pérez, A., Di Lecce, S., Khalit, S. H., Perdomo, F. A., Kournopou-

los, S., Kohns, M., Lindeboom, T., Wehbe, M., Febra, S., Jackson, G., Adjiman, C. S. &

Galindo, A. Expanding the Applications of the SAFT-γ Mie Group-Contribution Equa-

tion of State: Prediction of Thermodynamic Properties and Phase Behavior of Mixtures.

J. Chem. Eng. Data 65, 5862–90 (2020).
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6.3.2 Conference presentations and posters

• Thermodynamic modelling of the nature of speciation and phase behavior of binary and

ternary mixtures of formaldehyde, water and methanol. AIChE Annual Meeting 2022 in

Phoenix, AZ, USA.

• Thermodynamic modelling of the nature of speciation and phase behavior of binary and

ternary mixtures of formaldehyde, water and methanol. Thermodynamics Conference

2022 in Bath, England, UK.

• Thermodynamic modelling of the nature of speciation and phase behavior of binary and

ternary mixtures of formaldehyde, water and methanol. 32nd European Symposium of

Applied Thermodynamics (ESAT) 2022 in Graz, Austria.

• Predicting the phase behaviour and pH-solubility profiles of active pharmaceutical ingre-

dients using the SAFT-γ Mie group-contribution approach. 21st Symposium on Thermo-

physical Properties 2021 in Colorado, USA (virtual).

• Prediction of phase diagrams and pH-solubility profiles of active pharmaceutical ingredi-

ents Using the SAFT-γ Mie group-contribution approach. 31st European Symposium on

Applied Thermodynamics (ESAT) 2021 in Paris, France (virtual).

• Predicting optimal salt forms for active pharmaceutical ingredients using the SAFT-γ

Mie equation of state. AIChE Annual Meeting 2020 in San Francisco, USA (virtual).

• Prediction of the solubility of active pharmaceutical ingredients under varying conditions

of pH and temperature using the SAFT-γ Mie equation of state. AIChE Annual Meeting

2019 in Orlando, FL, USA.
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Appendix

Table A.1: SAFT-γ Mie like group parameters used in the current work: ν∗
k is the number of

segments in group k; Sk and σkk are the shape factor and diameter of the segments in the group,
respectively; σBorn

kk the Born diameter used for charged groups; λr
kk and λa

kk are the repulsive
and attractive exponents of the Mie potential, respectively; εkk is the dispersion energy between
two k groups; NST,k is the number of association site types on group k, with nH,k, ne1,k and
ne2,k representing the number of association sites of type H, e1 and e2, respectively. †† indicates
parameters obtained in Chapter 4, † † † interactions developed in Chapter 5 and † correspond
to interactions developed in Chapter 3 which are also published in ref [44].

Group k ν∗k Sk σkk/Å σBorn
kk /Å λr

kk λa
kk

(εkk/kB)/K NST,k nH,k ne1,k ne2,k ref

H2O 1 1.0000 3.0063 - 17.020 6.0000 266.68 2 2 2 - [37, 38]

CH3 1 0.57255 4.0772 - 15.050 6.0000 256.77 - - - - [35]

aCH 1 0.32184 4.0578 - 14.756 6.0000 371.53 1 - 1 - [36]

aCCH 1 0.20650 4.3128 - 8.0000 6.0000 61.325 1 - 1 - [36]

aCCH2 1 0.20859 5.2648 - 8.5433 6.0000 591.56 1 - 1 - [36]

CH 1 0.07210 5.2950 - 8.0000 6.0000 95.621 - - - - [36]

COOH 1 0.55593 4.3331 - 8.0000 6.0000 405.78 3 1 2 2 [36]

aCCOaC 3 0.18086 4.0670 - 9.8317 6.0000 656.71 - - - - [39]

CH2 1 0.22932 4.8801 - 19.871 6.0000 473.39 - - - - [35]

NH2 1 0.79675 3.2477 - 10.254 6.0000 284.78 2 2 1 - [167]

C 1 0.04072 5.6571 - 8.0000 6.0000 50.020 - - - - [36]

N 1 0.15069 3.0755 - 8.8971 6.0000 62.971 1 - 1 - [167]

aCCOO 2 0.65563 3.3851 - 36.616 6.0000 200.00 2 - 2 2 ††

aCNH2 1 0.71518 3.7408 - 17.065 6.0000 670.91 2 2 1 - ††

CH2O 2 0.78473 3.3131 - 36.423 6.0000 280.15 3 2 2 1 † † †

217
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Table A.1 : Continued from previous page

Group k ν∗k Sk σkk/Å σBorn
kk /Å λr

kk λa
kk

(εkk/kB)/K NST,k nH,k ne1,k ne2,k ref

CH3OH 2 0.83517 3.2462 - 19.235 6.0000 307.69 2 1 2 - [36]

COO− 1 0.55593 4.3331 4.6364 8.0000 6.0000 21.264 1 - 4 - [42, 43]

NH+
3 1 0.79675 3.2477 3.4750 10.254 6.0000 48.295 1 3 - - [44] †

N+ 1 0.15069 3.0755 3.2908 8.8971 6.0000 62.971 1 1 - - [42, 43]

aCNH+
3 1 0.71518 3.7408 4.0027 17.065 6.0000 397.63 1 3 - - ††

H3O+ 1 1.0000 3.0063 3.0063 17.020 6.0000 68.190 1 3 - - [150]

OH− 1 1.0000 2.4600 3.0063 17.020 6.0000 170.24 1 - 3 - [150]

Cl− 1 1.0000 3.3400 3.8740 12.000 6.0000 113.77 - - - - [150]

Br− 1 1.0000 3.6400 4.1740 12.000 6.0000 107.38 - - - - [150]

Na+ 1 1.0000 2.3200 3.3600 12.000 6.0000 31.711 - - - - [150]

K+ 1 1.0000 3.0400 4.3440 12.000 6.0000 90.097 - - - - [150]

Li+ 1 1.0000 1.8000 2.6320 12.000 6.0000 6.1039 - - - - [150]

Rb+ 1 1.0000 3.3200 4.6220 12.000 6.0000 130.35 - - - - [150]

Ca2+ 1 1.0000 2.2800 3.7240 12.000 6.0000 261.28 - - - - [150]

Mg2+ 1 1.0000 1.7200 2.9100 12.000 6.0000 89.264 - - - - [150]
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Table A.2: Group dispersion interaction energies εkl and repulsive exponent λr
kl for use with

the SAFT-γ Mie equation of state in the current work. The unlike segment diameters σkl are
calculated using the combining rule in equation (2.35). CR indicates that combining rules are
used to obtain εkl and/or λr

kl using equations (2.36) and/or (2.37), respectively. †† indicates
parameters obtained in Chapter 4, † † † interactions developed in Chapter 5 and † correspond
to interactions developed in Chapter 3 which are also published in ref [44].

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

H2O H2O 266.68 17.020 [37, 38] COOH NH+
3 CR CR -

H2O CH3 358.18 100.00 [39] COOH H3O+ CR CR [44] †

H2O aCH 357.78 38.640 [36] COOH OH− CR CR [44] †

H2O aCCH 314.03 CR [40] COOH Cl− CR CR -

H2O aCCH2 329.03 CR [40] COOH Na+ CR CR -

H2O CH 275.75 CR [40] COOH K+ CR CR -

H2O COOH 289.76 CR [39] COOH Li+ CR CR -

H2O aCCOaC CR CR - COOH Rb+ CR CR -

H2O CH2 423.63 100.00 [39] COOH Ca2+ CR CR -

H2O NH2 358.55 CR [167] COOH Mg2+ CR CR -

H2O C 420.82 CR [40] aCCOaC aCCOaC 656.71 9.8317 [39]

H2O N 1481.3 21.217 [167] aCCOaC COO− CR CR -

H2O aCCOO 339.28 CR †† aCCOaC H3O+ CR CR -

H2O aCNH2 438.2839 CR †† aCCOaC OH− CR CR -

H2O CH2O 248.26 CR † † † aCCOaC Cl− CR CR -

H2O CH3OH 278.45 CR [36] aCCOaC Na+ CR CR -

H2O COO− 171.61 CR [42, 43] aCCOaC K+ CR CR -

H2O NH+
3 450.21 CR [44] † aCCOaC Li+ CR CR -

H2O N+ 1481.3 21.217 [42, 43] aCCOaC Rb+ CR CR -

H2O aCNH+
3 1382.5 CR †† aCCOaC Ca2+ CR CR -

H2O H3O+ 391.04 CR [150] aCCOaC Mg2+ CR CR -

H2O OH− 134.41 CR [150] CH2 CH2 473.39 19.871 [35]

H2O Cl− 95.406 CR [150] CH2 NH2 348.39 CR [167]

H2O Br− 112.01 CR [150] CH2 C 300.07 CR [36]

H2O Na+ 539.68 CR [150] CH2 N 348.30 CR [167]
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Table A.2 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

H2O K+ 376.25 CR [150] CH2 aCCOO 446.39 CR ††

H2O Li+ 1023.1 CR [150] CH2 aCNH2 497.03 CR ††

H2O Rb+ 354.23 CR [150] CH2 CH3OH 341.41 17.050 [36]

H2O Ca2+ 1460.8 CR [150] CH2 COO− 413.74 CR [42, 43]

H2O Mg2+ 2235.1 CR [150] CH2 NH+
3 348.39 CR [44] †

CH3 CH3 256.77 15.050 [35] CH2 N+ 348.30 CR [42, 43]

CH3 aCH 305.81 CR [36] CH2 aCNH+
3 CR CR -

CH3 aCCH 455.85 CR [36] CH2 H3O+ CR CR -

CH3 aCCH2 396.91 CR [36] CH2 OH− CR CR -

CH3 CH 387.48 CR [36] CH2 Cl− CR CR -

CH3 COOH 255.99 CR [36] CH2 Br− CR CR -

CH3 aCCOaC CR CR - CH2 Na+ CR CR -

CH3 CH2 350.77 CR [35] NH2 NH2 284.78 10.254 [167]

CH3 NH2 244.15 CR [167] NH2 C CR CR -

CH3 C 339.91 CR [36] NH2 COO− CR CR -

CH3 N 462.18 CR [167] NH2 NH+
3 284.78 CR [44] †

CH3 aCCOO 646.59 18.865 †† NH2 H3O+ CR CR -

CH3 aCNH2 464.73 CR †† NH2 OH− CR CR -

CH3 CH3OH 275.76 15.537 [36] NH2 Br− CR CR -

CH3 COO− 255.99 CR [42, 43] C C 50.020 8.0000 [36]

CH3 NH+
3 244.15 CR [44] † C COO− CR CR -

CH3 N+ 462.18 CR [42, 43] C NH+
3 106.49 CR [44] †

CH3 aCNH+
3 CR CR - C H3O+ CR CR -

CH3 H3O+ CR CR - C OH− CR CR -

CH3 OH− CR CR - N N 62.971 8.8971 [167]

CH3 Cl− CR CR - N aCCOO CR CR -

CH3 Br− CR CR - N aCNH2 CR CR -

CH3 Na+ CR CR - N N+ CR CR -

CH3 K+ CR CR - N aCNH+
3 CR CR -
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Table A.2 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

CH3 Li+ CR CR - N H3O+ CR CR ††

CH3 Rb+ CR CR - N OH− CR CR -

CH3 Ca2+ CR CR - N Cl− CR CR -

CH3 Mg2+ CR CR - N Na+ CR CR -

aCH aCH 371.53 14.756 [36] aCCOO aCCOO 200.00 36.616 ††

aCH aCCH 429.16 CR [36] aCCOO aCNH2 494.91 CR ††

aCH aCCH2 416.69 CR [36] aCCOO N+ CR CR -

aCH CH 441.43 CR [36] aCCOO aCNH+
3 CR CR ††

aCH COOH 331.61 9.0687 [36] aCCOO H3O+ CR CR ††

aCH aCCOaC CR CR - aCCOO OH− CR CR -

aCH CH2 415.64 CR [36] aCCOO Cl− CR CR -

aCH NH2 CR CR - aCCOO Na+ CR CR -

aCH C CR CR - aCNH2 aCNH2 670.91 17.065 ††

aCH N CR CR - aCNH2 N+ CR CR -

aCH aCCOO 468.32 CR †† aCNH2 aCNH+
3 CR CR ††

aCH aCNH2 564.39 23.276 †† aCNH2 H3O+ CR CR ††

aCH COO− CR CR - aCNH2 OH− CR CR ††

aCH NH+
3 CR CR - aCNH2 Cl− CR CR -

aCH N+ CR CR - aCNH2 Na+ CR CR -

aCH aCNH+
3 CR CR - CH2O CH2O 280.15 36.423 † † †

aCH H3O+ CR CR [44] † CH2O CH3OH 320.98 CR † † †

aCH OH− CR CR - CH3OH CH3OH 307.69 19.235 [36]

aCH Cl− CR CR - COO− COO− 21.264 8.0000 [42, 43]

aCH Na+ CR CR - COO− NH+
3 26.327 CR [44] †

aCH K+ CR CR - COO− N+ 24.277 CR [42, 43]

aCH Li+ CR CR - COO− H3O+ 28.111 CR [44] †

aCH Rb+ CR CR - COO− OH− 44.520 CR [44] †

aCH Ca2+ CR CR - COO− Cl− 21.265 CR [42, 43]

aCH Mg2+ CR CR - COO− Na+ 9.9125 CR [42, 43]
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Table A.2 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

aCCH aCCH 61.325 8.0000 [36] COO− K+ 23.999 CR [42, 43]

aCCH aCCH2 462.04 CR [36] COO− Li+ 2.6855 CR [44] †

aCCH CH 67.510 CR [36] COO− Rb+ 31.864 CR [44] †

aCCH COOH 599.28 CR [36] COO− Ca2+ 27.115 CR [44] †

aCCH aCCOaC CR CR - COO− Mg2+ 9.4414 CR [44] †

aCCH CH2 345.80 CR [36] NH+
3 NH+

3 48.295 10.254 [44] †

aCCH NH2 CR CR - NH+
3 H3O+ 56.951 CR [44] †

aCCH C CR CR - NH+
3 OH− 62.231 CR [44] †

aCCH COO− CR CR - NH+
3 Cl− 65.249 CR [44] †

aCCH NH+
3 CR CR - NH+

3 Br− 61.726 CR [44] †

aCCH H3O+ CR CR [44] † N+ N+ 62.971 8.8971 [42, 43]

aCCH OH− CR CR - N+ aCNH+
3 140.33 CR ††

aCCH Cl− CR CR - N+ H3O+ 61.25 CR ††

aCCH Na+ CR CR - N+ OH− 58.782 CR ††

aCCH K+ CR CR - N+ Cl− 61.982 CR [42, 43]

aCCH Li+ CR CR - N+ Na+ 32.915 CR ††

aCCH Rb+ CR CR - aCNH+
3 aCNH+

3 397.63 17.065 ††

aCCH Ca2+ CR CR - aCNH+
3 H3O+ 155.38 CR ††

aCCH Mg2+ CR CR - aCNH+
3 Cl− 189.98 CR [44] †

aCCH2 aCCH2 591.56 8.5433 [36] aCNH+
3 Na+ CR CR -

aCCH2 CH 65.410 CR [36] H3O+ H3O+ 68.190 17.020 [150]

aCCH2 COOH 473.66 CR [36] H3O+ OH− 66.439 CR [150]

aCCH2 CH2 454.16 CR [36] H3O+ Cl− 70.552 CR [150]

aCCH2 NH2 CR CR - H3O+ Br− 65.800 CR [150]

aCCH2 C CR CR - H3O+ Na+ 37.479 CR [44] †

aCCH2 COO− CR CR - H3O+ K+ 72.869 CR [44] †

aCCH2 NH+
3 CR CR - H3O+ Li+ 12.314 CR [44] †

aCCH2 H3O+ CR CR [44] † H3O+ Rb+ 89.271 CR [44] †

aCCH2 OH− CR CR - H3O+ Ca2+ 104.69 CR [44] †
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Table A.2 : Continued from previous page

Group k Group l (εkl/kB)/K λr
kl ref Group k Group l (εkl/kB)/K λr

kl ref

aCCH2 Cl− CR CR - H3O+ Mg2+ 44.541 CR [44] †

aCCH2 Na+ CR CR - OH− OH− 170.24 17.020 [150]

aCCH2 K+ CR CR - OH− Cl− 123.21 CR [44] †

aCCH2 Li+ CR CR - OH− Na+ 27.898 CR [150]

aCCH2 Rb+ CR CR - OH− K+ 54.733 CR [150]

aCCH2 Ca2+ CR CR - OH− Li+ 9.1482 CR [150]

aCCH2 Mg2+ CR CR - OH− Rb+ 67.944 CR [150]

CH CH 95.621 8.0000 [36] OH− Ca2+ 77.245 CR [150]

CH COOH 504.99 CR [36] OH− Mg2+ 33.269 CR [150]

CH CH2 506.21 CR [36] Cl− Cl− 113.77 12.000 [150]

CH NH2 CR CR - Cl− Na+ 27.937 CR [150]

CH C 2 CR [40] Cl− K+ 61.007 CR [150]

CH COO− 504.99 CR [44] † Cl− Li+ 8.2899 CR [150]

CH NH+
3 151.01 CR [44] † Cl− Rb+ 78.250 CR [150]

CH H3O+ CR CR - Cl− Ca2+ 76.931 CR [150]

CH OH− CR CR - Cl− Mg2+ 29.599 CR [150]

CH Cl− CR CR - Br− Br− 107.38 12.000 [150]

CH Na+ CR CR - Br− Na+ 24.988 CR [150]

CH K+ CR CR - Br− K+ 56.589 CR [150]

CH Li+ CR CR - Br− Li+ 7.1798 CR [150]

CH Rb+ CR CR - Br− Rb+ 73.485 CR [150]

CH Ca2+ CR CR - Br− Ca2+ 68.642 CR [150]

CH Mg2+ CR CR - Br− Mg2+ 25.497 CR [150]

COOH COOH 405.78 8.0000 [36] Na+ Na+ 31.711 12.000 [150]

COOH aCCOaC CR CR - K+ K+ 90.097 12.000 [150]

COOH CH2 413.74 CR [36] Li+ Li+ 6.1039 12.000 [150]

COOH NH2 CR CR [44] † Rb+ Rb+ 130.35 12.000 [150]

COOH C CR CR - Ca2+ Ca2+ 261.28 12.000 [150]

COOH COO− 405.78 8.0000 [42, 43] Mg2+ Mg2+ 89.264 12.000 [150]
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Table A.3: Group association energies εHB
kl,ab and bonding volume Kkl,ab for use with the SAFT-γ

Mie EoS in the current work. †† indicates parameters obtained in Chapter 4, † † † interaction
developed in Chapter 5 and † correspond to interactions developed in Chapter 3 which are also
published in ref [44].

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3 ref

H2O H H2O e1 1985.4 101.69 [37, 38]

H2O H aCH e1 563.56 339.61 [36]

H2O H aCCH e1 563.56 339.61 [40]

H2O H aCCH2 e1 563.56 339.61 [40]

H2O H COOH e1 1451.8 280.89 [39]

H2O H COOH e2 1252.6 150.98 [39]

H2O e1 COOH H 2567.7 270.09 [39]

H2O e1 NH2 H 1988.3 55.824 [167]

H2O H NH2 e1 1460.0 179.60 [167]

H2O H N e1 2783.7 15.536 [167]

H2O H aCCOO e1 1586.2 92.159 ††

H2O H aCCOO e2 1586.2 92.159 ††

H2O e1 aCNH2 H 511.27 250.00 ††

H2O H aCNH2 e1 810.00 2496.8 ††

H2O e1 CH2O H 2572.7 7.3729 † † †

H2O H CH2O e1 2572.7 7.3729 † † †

H2O e1 CH2O e2 2445.0 3147.1 † † †

H2O e1 CH3OH H 1993.5 104.11 [36]

H2O H CH3OH e1 1993.5 104.11 [36]

H2O H COO− e1 802.21 52.555 [42, 43]

H2O e1 NH+
3 H 2016.6 49.397 [44] †

H2O e1 N+ H 2783.7 15.536 [42, 43]

H2O e1 aCNH+
3 H 2550.8 501.61 ††

H2O e1 H3O+ H 1985.4 101.69 [150]

H2O H OH− e1 1492.0 76.411 [150]

aCH e1 H3O+ H 563.56 339.61 [44] †
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Table A.3 : Continued from previous page

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3 ref

aCCH e1 H3O+ H 563.56 339.61 [44] †

aCCH2 e1 H3O+ H 563.56 339.61 [44] †

COOH H COOH H 6427.9 0.80620 [36]

COOH H NH2 e1 2623.5 20.765 [44] †

COOH e1 H3O+ H 1451.8 280.89 [44] †

COOH e2 H3O+ H 1252.6 150.98 [44] †

COOH H OH− e1 2036.0 214.16 [44] †

NH2 e1 NH2 H 1070.8 95.225 [167]

NH2 e1 H3O+ H 1460.0 179.60 [44] †

NH2 H OH− e1 1511.4 42.436 [44] †

N e1 H3O+ H 2783.7 15.536 ††

aCCOO e1 aCNH2 H 1095.6 372.29 ††

aCCOO e2 aCNH2 H 1095.6 372.29 ††

aCCOO e1 aCNH+
3 H 1095.6 372.29 ††

aCCOO e2 aCNH+
3 H 1095.6 372.29 ††

aCCOO e1 H3O+ H 1586.2 92.159 ††

aCCOO e2 H3O+ H 1586.2 92.159 ††

aCNH2 H aCNH2 e1 700.00 241.64 ††

aCNH2 e1 aCNH+
3 H 700.00 241.64 ††

aCNH2 e1 H3O+ H 810.00 2496.8 ††

aCNH2 H OH− e1 396.86 194.06 ††

CH2O H CH2O e1 500.00 1381.9 † † †

CH2O H CH3OH e1 4594.9 0.0010000 † † †

CH2O e1 CH3OH H 4594.9 0.0010000 † † †

CH2O e2 CH3OH e1 5562.3 0.91815 † † †

CH3OH H CH3OH e1 2062.1 106.57 [36]

COO− e1 H3O+ H 802.21 52.555 [44] †

NH+
3 H OH− e1 1988.3 55.824 [44] †

N+ H OH− e1 2098.9 11.714 ††
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Table A.3 : Continued from previous page

Group k Site a on group k Group l Site b on group l (εHB
kl /kB)/K K kl,ab/Å3 ref

H3O+ H OH− e1 1492.0 76.411 [150]
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