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Kurzfassung
Die Kristallisation ist ein wichtiges Verfahren zur Trennung und Aufreinigung chiraler
Substanzen. Für die Entwicklung eines Kristallisationsprozesses ist jedoch eine
detaillierte Kenntnis über die zugrundeliegenden Fest/Flüssig-Phasengleichgewichte von
essentieller Bedeutung. Insbesondere in frühen Stadien der Prozessentwicklung können
computerbasierte Methoden helfen, die dafür benötigten substanzspezifischen Daten zu
generieren, um langwierige und stoffintensive Experimente zu ergänzen und zukünftig
möglicherweise sogar zu ersetzen.
In dieser Arbeit wurden rechnergestützte Methoden allein und in Kombination mit
Experimenten verwendet, um die nötigen stoffspezifischen Energiebeiträge zur
Ermittlung der freien Lösungsenergie zu berechnen. Dafür wurden zwei thermodynamisch konsistente Wege entwickelt, der Schmelzzyklus und der Sublimationszyklus,
mittels derer die Löslichkeiten organischer Kristalle berechnet werden können. In beiden
Zyklen werden die Unterschiede zwischen chiralen Kristallen aufgelöst. Sie sind ferner
in der Lage, sowohl reine als auch gemischte Lösungsmittelsysteme zu beschreiben und
sind nicht auf verdünnte Lösungen beschränkt. In dieser Arbeit wurde untersucht, ob
Löslichkeitsvorhersagen unter Verwendung moderner quantenchemischer Methoden für
die Entwicklung von Kristallisationsprozessen anwendbar sind. Weiterhin wurde
analysiert, welchen Einfluss Phasenübergangsenergien und deren thermische
Korrekturbeiträge sowie Wechselwirkungen in der Lösung auf die Berechnung absoluter
und relativer Löslichkeiten chiraler Substanzen haben.
Exakte Gitterenergien sind sowohl zur Berechnung von absoluten Sublimationsenergien
als auch von Energieunterschieden zwischen verschiedenen chiralen Kristallen
erforderlich. Wenn diese mittels periodischer Dichtefunktionaltheorie (DFT) berechnet
werden, hängt die Genauigkeit maßgeblich von der Wahl des Dichtefunktionals, der
Größe des Basissatzes und der Dispersionskorrektur ab. Es konnte weiterhin gezeigt
werden, dass die präzise Berechnung thermischer Korrekturen zu den elektrostatischen
Energien gleichermaßen wichtig und zudem stark methodenabhängig ist. Obwohl sie in
der Literatur oft vernachlässigt werden, tragen thermische Korrekturen zu
Energieunterschieden zwischen dem Enantiomer und der racemischen Verbindung bei.
Diese werden durch Wärmekapazitätsunterschiede zwischen den beiden chiralen
Kristallen hervorgerufen, welche auf Unterschiede in Molekül- und Gitterschwingungen
zurückzuführen sind. Zum Teil sind diese mittels Raman-Spektroskopie nachweisbar. Die
Rechengenauigkeit hängt dabei stark von der Flexibilität des Moleküls und der
Anordnung im Kristall (Packung) ab. Mit dem Sublimationszyklus konnten freie
Lösungsenergien mit nahezu chemischer Genauigkeit bestimmt werden (1 kcal·mol -1).
Er bietet somit eine vielversprechende Alternative zum häufiger verwendeten
Schmelzzyklus, für den substanzspezifische experimentelle Daten benötigt werden.
Dennoch sind beide Zyklen noch nicht zuverlässig genug quantifizierbar, um in der
frühen Prozessentwicklung Anwendung finden zu können. Dahingegen können präzise
berechnete Energieunterschiede schon jetzt die Entwicklung von Trennverfahren von
Enantiomeren unterstützen, indem sie zur Abschätzung der eutektischen
Zusammensetzung der Lösung verwendet werden.
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Abstract
Crystallization is an important separation process which is in particular attractive for
chiral substances. Detailed knowledge on the underlying solid-liquid phase equilibria
(SLE) is essential for the design of any crystallization process. Particularly in early stages
of process development computational methods can supplement, or possibly replace
tedious and material intensive experiments. For example, they can be used to generate
substance-specific information which are required for solubility prediction.
Motivated by the above, this thesis uses a joint computational and experimental approach
in order to evaluate the numerous energy contributions required for determining solidliquid phase equilibria. A consistent computational framework is derived for calculating
mole fraction solubilities of organic molecular crystals via the so-called melt cycle and
the sublimation cycle. Both cycles can quantify the influence of the crystal structure on
the solubility. They are further capable of handling pure as well as mixed organic solvent
systems and are not restricted to infinite dilution. It was investigated whether solubility
predictions using state-of-the-art quantum chemistry methods are applicable for
crystallization process design. It was further analysed, to what extent calculated absolute
and relative solubilities of chiral crystals are affected by phase transition energies and
their thermal contributions as well as molecular interactions in solution.
For calculating absolute sublimation energies and differences between chiral crystals
precise lattice energies are required. When determined by periodic density functional
theory (DFT), calculations mainly depend on the choice of the density functional, the size
of the basis set and the dispersion correction. It was further shown, that an accurate
calculation of thermal corrections to the electrostatic energies are equally important and
that their computation is strongly method-dependent. Even though they are often
neglected, thermal corrections contribute to energy differences between the enantiomer
and the racemic compound. They are related to heat capacity differences between the two
chiral crystals which are evoked by differences in molecular and lattice vibrations. In
parts, those are detectable experimentally by Raman spectroscopy. A precise calculation
of heat capacity differences is dependent on the flexibility of the molecule and on the
crystal packing. Finally, solution Gibbs energies can be calculated close to chemical
accuracy (1·kcal mol-1) via the suggested sublimation cycle. It therefore competes well
against the more commonly used melt cycle which requires substance specific
experiments. However, both thermodynamic cycles are not reliable enough to be used for
solubility prediction for an early stage crystallization process design. Nevertheless,
precise sublimation Gibbs energy differences can already be used to support
enantioseparation process design by estimating the eutectic composition in solution.
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1

Introduction

1.1 Crystallization for purification and enantioseparation
Crystallization processes are one option of many separation and purification process
strategies. Nowadays, the organic chemical industry is based to roughly 95 % on crude
oil and natural gas products1 and rectification processes are commonly used for their
separation and purification. However, most fine chemicals which are often applied as
starting chemicals for pharmaceuticals, agrochemicals and life science products2 are solid
at environmental conditions.3 Hence, for the production of these low-volume, high-value
products separation processes such as chromatography, membrane processes, liquidliquid extraction and crystallization are preferable. Especially many active ingredients
(such as pharmaceuticals) have high molar masses and form a crystalline solid under
environmental conditions which is why a crystallization process is often the final step in
the downstream process section. Furthermore, pharmaceuticals are often sensitive to
elevated temperatures which makes the low temperature crystallization processes a
preferable process option.
Besides their application to the separation and purification of speciality chemicals,
crystallization processes are regarded as a cost-efficient way to separate enantiomers
because of rather modest requirements in terms of technical equipment. In the
pharmaceutical industry, the resolution of enantiomers by the formation of diastereomeric
salts is still the most common way to separate a 50:50 (racemic) mixture of enantiomers
and is thus called “classical resolution”.4 Besides that kinetically driven preferential
crystallization processes are capable of “breaking the symmetry” and hence producing
pure enantiomers from a racemic mixture. Furthermore, thermodynamically based
enantioseparation can be used to generate pure enantiomers from a mixture which is
enriched by one of the enantiomers.5 All crystallization-based separation methods rely
strongly on knowledge about the specific underlying solid-liquid phase equilibria and
consequently on the solution thermodynamics of the target molecules.

1.2 Solution thermodynamics
A general description of solution thermodynamics includes details on the crystalline solid
phases and on the composition of the liquid phase(s) and thus on the solubilities of the
specific crystalline solid. The characteristics of these phases and their compositions are a
function of temperature and the solvent system which results in a complex system with
many unknown molecule-dependent parameters. A merely experimental determination of
all unknown quantities is a tedious and substance, as well as equipment intensive
procedure. As a consequence, it is expensive and should be accompanied or possibly
replaced by computational methods.
A rather rigorous way to address this issue computationally is the field of solubility
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prediction, which is the focus of this work. It is desirable to use a limited amount of
experimental input for calculating solubilities or to solely apply computational methods
which do not require substance specific experimental inputs. Solubility prediction is of
interest in numerous fields for the chemical industry, such as pharmacy, drug and
agrochemical design.6 Applications within these fields are mainly focused on aqueous
solubility and generally assume the solution to be infinitely diluted. For example,
Quantitative Structure-Property Relationships (QSPR)7 and data mining are capable to
predict the solubility with limited input parameters but often lack physical insight.8
However, a better understanding of physics for solid-liquid phase equilibria in order to
develop molecular modelling methodologies has been defined as the most important
research in the field of crystallization process design.9 It has been shown that purely
theoretical methods - where the only information needed is the experimental crystal
structure - are capable of achieving slightly worse but promising levels of accuracy in
comparison to empiric methods.10 When integrated with computational methods to
predict the crystal structure11 knowing only the molecular structure a solely
computational way becomes achievable.
In contrast to solubility prediction in the frame of drug design in the pharmaceutical
industry, its application for crystallization processes should not be limited to aqueous
media. Furthermore, for a cost-efficient crystallization process with high productivities,
solid-liquid phase equilibria with high saturation concentrations are favourable. Hence,
besides water as a solvent there is a broad spectrum of solvent systems which includes all
classes of pure organic solvents as well as mixed organic-organic and mixed aqueousorganic solvent systems, where the choice in solvent may be of interest for enhancing the
solubility or to find an anti-solvent that lowers the solubility disproportionally strong.
These issues will be addressed in this work by studying various organic non-electrolyte
systems while focussing on the field of solubility prediction for enantioseparation by
crystallization.

1.3 Structure of the thesis
Chapter 2 (“Theory and Computational Methods”) delivers the general thermodynamics
of solid-liquid phase equilibria (SLE) and its specifics for modelling SLE of chiral
molecules. Two thermodynamic approaches to calculate solubilities of crystalline organic
substances are presented, the melt cycle and the sublimation cycle. The theoretical
background for modelling molecular interactions in the crystalline solid and in solution
as well as specifics on their computational implementation are presented.
Chapter 3 (“Experimental Methods”) introduces all measurement methods that are used
for a broad experimental investigation of the phase transition thermochemistry of three
chiral molecules.
Chapter 4 (“Results and Discussion”) contains all experimental and computational results
of this work. The first part of chapter 4 (section 4.1 and 4.2) evaluates the accuracy of the
melt and the sublimation cycle for two well studied model substances. Subsequently, the
accuracy of state-of-the art electronic structure methods to calculate the dominant energy
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contribution within the sublimation cycle, the lattice energy, is studied. In a second part
of chapter 4 (section 4.3) the melting and sublimation phase transition is studied for three
chiral representatives using experiment and theory; namely lactide, naproxen and
3chloromandelic acid. The absolute sublimation energies and energy differences between
the enantiopure and corresponding racemic crystals are calculated and compared to
experiment. The relative energies are subsequently used in section 4.5 to approximate the
solution behaviour of mixtures of chiral molecules which have been determined as well
experimentally. In a third part of Chapter 4 (section 4.4 and 4.6) the two thermodynamic
cycles are used to calculate solubilities and their temperature dependency for selected
chiral molecules which have been measured in a variety of pure and mixed solvent
systems.
Chapter 5 (“Conclusion and Outlook”) summarizes the main findings and suggests
directions for future research.
The Appendix contains selected computational details and primary experimental data.

Theory and Computational Methods
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Theory and Computational Methods

This chapter presents the thermodynamic background of solid-liquid phase equilibria
(SLE) and its specifics when modelling chiral system (section 2.1 and 2.2). The field of
application is the design of crystallization processes for purification and enantioseparation. Two thermodynamic approaches to calculate solubilities of organic crystals
are presented, the melt cycle and the sublimation cycle (section 2.3 to 2.5). The theoretical
background for modelling molecular interactions in the crystalline solid using ab-inito
quantum chemistry methods are presented (see section 2.6). Method specific computational details which have been used throughout this work are given in section 2.7.

2.1 Chirality and enantioseparation
A large number of molecules are chiral which means they exist in two constitutionally
identical isomeric forms that are non-superimposable mirror images of one another. The
two opposite counterparts are called enantiomers. They are commonly labelled according
to their ability to rotate polarized light by (+) vs. (-) or by (D) vs. (L) for dextro- and levoor by the molecular configuration around the chiral centre with (S) vs. (R) which stands
for sinister and rectus.12 On the one hand, all proteins and enzymes as well as their
building blocks, amino acids, are chiral (except glycine). On the other hand, many fine
chemicals such as pharmaceuticals, agrochemicals, flavours and fragrance are chiral as
well. For example, 56% of the currently used drugs are chiral molecules.13 Stereoisomers
can have different effects on receptors in the human body which results in different
pharmacological and toxicological properties of the two enantiomers of a drug molecule.
One example is naproxen (see Figure 2.1) which is an example case of a chiral molecules
within this work. Only the (S)-enantiomer of naproxen is used as a nonsteroidal antiinflammatory drug while (R)-naproxen does not exhibit the wanted effects14 but is
suspected to act as liver toxin15.

Figure 2.1: The two enantiomers of naproxen. (left) (S)-naproxen which is used a nonsteroidal
anti-inflammatory drug and (right) the pharmacologically unwanted (R)-naproxen. The
asymmetric carbon molecule - the chiral centre - on the propionic acid side chain is marked.

Until recently, roughly 90 % of all chiral pharmaceuticals are still marketed as
“racemates” which consist of an equimolar mixture of the two enantiomers.13 Racemates
are denoted with the prefix (±)- or rac- (or racem-) or by (RS) which is used within this
work.16 Nowadays the U.S. Food and Drug Administration (FDA) requires that drugs
have to be distributed as pure enantiomers or the mixture has to be proven to be
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harmless.17 Hence, most newly introduced drugs today are single enantiomers rather than
racemic mixtures.18
Enantiomers have the same molecular structures and thus identical physical and chemical
properties in an achiral environment which aggravates their separation. Pure enantiomers
can be provided by preferentially synthesizing one of the enantiomers in an asymmetric
synthesis19. On the other hand, a racemic or slightly enriched synthesis mixture can be as
well separated in a downstream process. Focussing on post synthesis processes,
frequently applied methods to separate enantiomers are chromatography, crystallization
and membrane processes.5 Further process options are available but less common because
of a smaller field of application like preferential sublimation20 which requires the crystal
to sublimate at process relevant conditions.
Enantioseparation by crystallization is a downstream process option which is highly
selective and comparably cheap on industrial scale as it requires only basic technical
equipment.21 It exploits the high selectivity when the crystalline solid that contains only
one enantiomer is formed from a solution that consists of a mixture of both enantiomers.
It is of special relevance if a product is marked as a solid and a crystallization or
precipitation step is required anyhow as a final process step.5 Furthermore, pharmaceuticals are often sensitive to elevated temperatures and hence decompose above their
melting temperature which mostly ranges in between 50 °C to 250 °C22. For these
temperature sensitive molecules low temperature crystallization processes are the
preferable process option.

2.1.1 Classification of chiral substances
For the design of a crystallization process in order to separate enantiomers it is of
fundamental importance to elaborate what types of crystalline phases the pure
enantiomers and their mixtures form. As shown in Figure 2.2, chiral substances are
typically divided into three distinct classes: conglomerates, racemic compound-forming
systems and solid solutions (pseudoracemates). Roughly 90 % of all chiral substances
form a racemic compound which contains both enantiomers in an equimolar ratio within
the crystal structure.23 However, there are molecular compounds with other
stoichiometric ratios.24, 25 In contrast to that around 10 % of all chiral molecules form a
mechanical mixture of the enantiopure crystals, a so-called conglomerate (Figure 2.2 a).
Both cases form a minimum melting temperature in the binary system and a maximum
solubility at a given T in the TPD, the so-called eutectic composition xeu. In rare cases
molecules within the enantiopure crystal can be substituted by the counter-enantiomer in
an ordered or disordered manner affecting the crystal structure. As indicated in Figure 2.2
(c) the melting temperature and hence the solubility of such solid-solutions can be either
lowered or increased by the counter enantiomer; in the ideal case it is a constant (straight
line). The thermochemistry of chiral substances can be complicated by featuring
characteristics of more than one of the three distinct classes as shown for example in the
case of malic acid.26 There are as well systems that form a metastable conglomerate while
thermodynamically belonging to the class of compound-forming systems.27
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Figure 2.2: Illustrations of solid-liquid phase diagrams of the three most common classes of chiral
systems: (a) conglomerates, (b) racemic compounds and (c) solid solutions or pseudo racemates;
(bottom) binary melt phase diagram (top) ternary solution phase diagram –TPD. The number of
coexisting phases is labelled in roman numbers. The eutectic composition is denoted by xeu.

Structural clarification of a chiral system can be done by investigating the binary solvent
free system using a combination of caloric measurements (DSC) and X-ray diffraction
(XRPD or single crystal XRD). For unravelling the TPD solubility, measurements are
combined with diffraction methods of equilibrated crystalline solid. The phase behaviour
and hence the type of chiral system are often the same in the melt and in solution but there
are as well exceptions. The hydrochloric salt of histidine for example forms a
conglomerate in the binary system and a racemic compound in presence of water.23
Even though polymorphism (the ability of a given compound to crystallize in more than
one crystal form) is less frequently observed for chiral molecules28, structural clarification
and, hence, the generation of the binary melt and ternary solution phase diagrams can be
further complicated by polymorphism or the formation of solvates. Polymorphs can be
either formed exclusively when crystallized from the melt or they can be solvent mediated
and hence appear only in the TPD. Statistically, one out of three organic molecules in the
Cambridge Structural Database (CSD) are polymorphic.28 In any case the crystalline solid
phase plays a crucial role for SLE and thus has to be characterized with case. The
following section presents specifics about the characterization and classification of
organic crystals.

2.1.2 Crystal structure
A perfect crystal can be described as a system that is build up by a periodic arrangement
of a specific well-defined entity, the unit cell. The unit cell is defined as the smallest
material portion which can be parallelly displaced in three dimensions to form the
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crystal.16 The unit cell is characterized by the length of the cell vectors a, b and c as well
as the angles between the cell vectors α, β and γ (see Figure 2.3).29

Figure 2.3: Unit cell (or primitive cell) and unit cell parameters, where a, b and c are the cell
vectors and α, β and γ the angles between the cell vectors.

Crystal structures are grouped into one of the 14 Bravais lattices containing seven main
crystal systems which differ in the way the cell vectors and angles are organized. The
simplest crystal system is the cubic system where a = b = c and α = β = γ = 90°. In the
most complex triclinic crystal system all lattice vectors differ in length and there is no
vector at a right angle to another vector. Additionally, to the Bravais lattice groups the
internal symmetry of the molecules within the unit cell is captured by its space group.
There are exactly 230 space groups that can describe the three-dimensional symmetry of
crystals. Roughly 85 % of all organic crystals organize in a monoclinic, orthorhombic or
triclinic crystal system which form in 70 % of all cases a P21/c (30 %), P1, P21, C2/c,
P212121 and Pbca space group.30 Inorganic crystals, on the other hand, mostly (~66 %)
organize in one of the three other crystal systems, which are tetragonal, trigonal /
hexagonal and cubic.30 Another characteristic quantity of a crystal structure is the number
of molecules, Z, or the number of independent molecules, Z’, within the unit cell. In
88 % of the cases Z’ is smaller or equal to one31 while the absolute number, Z, can be
significantly larger.
Information about crystals structures, like its unit cell parameters, atomic coordinates and
internal symmetry, is most commonly obtained from single-crystal X-ray
crystallography.32 Besides an experimental determination of the most thermodynamically
stable crystal structure and experimental screening of possible polymorphs and solvates
computational methods have been developed in the last decades. So-called crystal
structure prediction (CSP) methods deliver computational counterparts to predict the most
stable crystalline structure and possible polymorphic crystal forms from the structural
formula only.11 Significant progress has been made in the last years to predict the
molecular structure of small rather rigid molecules33 but the methods are nowadays as
well capable to handle larger, more flexible molecules as well as salts and hydrates34.
Experimental as well as computational investigation are related to one specific
temperature. Computations are performed for the static crystal at zero Kelvin. As well
experiments are most accurately performed below room temperature.35 However,
temperature and pressure can have several effects on the crystal structure. On the one
hand a specific molecule can pack in multiple ways into a crystalline, which is called
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polymorphism, where one specific crystal structure is stable only in a certain temperature
and pressure range.32 On the other hand the unit cell parameters (and hence the volume)
of one specific crystal structure are functions of temperature and pressure. The
temperature dependency of the density (reciprocal of specific volume) has been shown to
be approximately a linear function with a slope of in between 0.15–0.35 mg cm-3 K-1 for
most organic moelcules.35 This aggravates a comparison of experimental data and
computations which are commonly performed using quantum chemistry methods and
thus for the static crystal at 0 K. Furthermore, the thermal expansion effects the
temperature-dependent thermochemistry of crystals by effecting the heat capacity of the
crystal.36

2.1.3 Enantioseparation by crystallization
Conglomerates can be separated from a racemic mixture by preferential crystallization.
This kinetically driven resolution of a racemic mixture has been advanced over the last
decade21 and was applied as well for continuous process strategies37, 38. Unfortunately,
these process strategies are not directly transferable to racemic compound-forming
systems but concepts have been developed to separate their enantiomeric enriched
solutions.39,40 There are other process strategies which exploit the solution
thermodynamics of mixtures of enantiomers to separate enantiomerically enriched
solutions. For example, a shift of the eutectic composition with temperature and/or the
solvent can be exploited to separate enantiomers of a racemic compound-forming
system.41 Besides that industry relies on the availability of a chiral agent that can form
diastereomeric salts and thus on a separation of the racemic mixtures by “classical
resolution”.4
This work focuses on the most common class of chiral molecules, the racemic compoundforming systems. The thermodynamic feasibility and yield of a crystallization process
depends on the solubilities of pure enantiomers, the racemic compound and their mixtures
and thus on the ternary phase diagram. Of special importance is the solubility and
enantiomeric composition of the eutectic mixture, the eutectic composition xeu, which
confines the area where pure enantiomer can be crystallized. The illustration in Figure 2.2
(b) shows the TPD of a racemic compound-forming system containing two symmetric
eutectic compositions, xeu, which are the points of maximum solubility at a certain T. In
contrast to conglomerate type systems (Figure 2.2 a), the enantiomeric ratio at the eutectic
lies in between the racemic mixture and that of the pure enantiomer. In the binary solvent
free system, the eutectic composition is often regarded as an invariant point. However, it
can depend on pressure as shown for binary mixtures of achiral organic substances.42
Within the TPD, it depends on the solubility behaviour of the enantiomer and the racemic
compound and their mixtures. As a consequence, it is not an invariant point but instead is
a function of temperature and the solvent.43, 44
For an infinitely diluted system, the solubility is independent from the number of
dissolved molecules and hence as well from the enantiomeric ratio in solution. Industrial
crystallization processes, however, are preferably operated at high solution
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concentrations to enable high productivities. In concentrated solutions solute-solute
interactions can evoke non-ideal solution behaviour within the TPD. Two particularly
non-ideal TPD are shown in Figure 2.4 including guaifenesin45 and mandelic acid46. Both
systems exhibit a strong increase in solubility when both enantiomers are present in
solution. Hence, for an accurate description of solid-liquid equilibria such effects have to
be incorporated within the model framework.

Figure 2.4: Two examples of the ternary solution phase diagram of mixtures of enantiomers that
both exhibit strong deviations to an ideal solution. (left) TPD of the conglomerate forming system
guaifenesin45 in water. (right) TPD of the racemic compound-forming system mandelic acid46 in
water.

2.2 Thermodynamics of solid-liquid phase equilibria (SLE)
There are three fundamental thermodynamic states of matter (phases) that are relevant for
modelling the solid-liquid phase equilibria (SLE): the gas phase (g), liquid phase (l) and
solid phase (s). For a given composition, the number and types of phases depend on the
temperature and pressure of the system and are usually plotted in a phase diagram. Figure
2.5 (left) shows the temperature vs. pressure phase p-T-diagram of a single component
system where the straight lines are the phase boundaries between two phases which are
functions of temperature and pressure.
For solid-liquid phase equilibria, the melting line represents the phase boundary. If the
melting temperature is assumed to be independent of pressure the melting line is a vertical
line in the p-T-diagram. The binary system which corresponds to the SLE of a crystalline
solid and a solvent is depicted in Figure 2.5 (right) at one specified pressure. The melting
line is split up into the solidus line and the liquidus line. In between these two-phase
boundaries one solid phase and one liquid phase are in equilibrium. The liquidus line
represents the temperature dependency of the higher melting component A within the
lower melting component B (in this case referred to as the solvent) and is named
“solubility line” throughout this work.
The solubility of a solute in a designated solvent is defined as the analytical composition
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of a saturated solution and is expressed in terms of the proportion of that solute in the
solution. Hereby, a saturated solution is regarded as a solution which is in thermodynamic
equilibrium with un-dissolved solute at specified values of the temperature and pressure.47

Figure 2.5: (left) Schematic single component p-T-diagram which shows the dependency of the
melting, sublimation and vaporization phase transition on temperature and pressure. (right) The
binary melt phase diagram of mixtures of two arbitrary components A and B. TI and TII are two
choices of temperatures on the liquidus line which refer to two different saturation concentrations
(solubilities) of A in B, xIA and xIIA.

Hence, the solubility of an organic molecule depends on the chemical structure of the
solute and the solvent as well as on the temperature. In rare cases it is as well a function
of pressure which is neglected throughout this work. It is of relevance for exceptionally
high pressures and special cases like highly diluted solutions of carbonates, alkaline
earths and heavy metals in water48 but it can have an effect on the melting temperature of
a solvent free system26. The solubility is commonly quantified by the mole fraction, the
mass fraction, molality, mole ratio, mass of the solute per volume of the solvent etc. In
this work the solubility of the solute, i, is expressed as either the mole fraction, xi, or mass
fraction, wi, of the solute in a solvent (eq. (1)). Hereby, n and m are the amount of
substance and the mass of the constituents i…N, respectively. A solution is called an
infinite dilution or dilute solution if the sum of the mole fractions of solutes is small
compared with unity.16

xi =

ni
ni + ni +1 + ... + nN

or

wi =

mi
mi + mi +1 + ... + mN

(1)

2.2.1 Fundamental thermodynamics for modelling SLE
Following nomenclature conventions from IUPAC (International Union of Pure and
Applied Chemistry), throughout this work capital letters represent molar quantities (e.g
the Enthalpy H). In a closed system with more than one phase, each phase can be treated
as an open system that can exchange energy as well as matter via the phase boundaries.
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The fundamental equation of the Gibbs energy of an open system relates the Gibbs free
energy, G, to the enthalpy, H, and entropy S (ni = amount of substance of component i,
n = the total amount of substance, T = temperature and p = pressure)49
nG = nH − nTS = f (T , p , ni ...nN )

(2)

A system consisting of i…N components and π…Π phases is in thermodynamic
equilibrium if the relevant variables of state, T, p and ni, are constant in each phase. Hence,
a system that is in equilibrium has to re-establish equilibrium in the case one of those
variables of state is changed. The relation between the variables of state during a change
of a persisting thermodynamic equilibrium is described by the Gibbs-Duhem relation, eq.
(3), which has to be valid for each phase π at equilibrium.50
N

S dT − V dP + xi d i = 0








(3)

i =1

Eq. (3) uses the definition of the chemical potential μ𝜋i = f (T, p, 𝑥𝑖 …𝑥𝑁 ) of component i
in within phase π. The chemical potential is defined as the partial molar Gibbs free energy
and is related to the activity aπi , the effective concentration, of a compound in a certain
phase (see eq. (4)).


 G 
Zi = 
= i = i0 + RT ln ai


n
 i  P ,T ,n ji

with

ai = xi   i (T , p, xi )

(4)

Hereby, μ0i is the chemical potential of that species under some defined set of standard
conditions and is commonly related to the pure component in the same state of matter.
The activity coefficient, γi, is a dimensionless quantity which describes the deviation of
the real system from an ideal mixture. It lumps all non-ideal molecular interactions of
component i in the mixture into one quantity that is a function of temperature, pressure
and composition. The difference between the chemical potential of a real system (eq. (4))
and that of an ideal system under the same conditions is called the excess chemical
potential. It is equal to the partial molar excess Gibbs free energy as shown in eq. (5).

iE = GiE = RT ln  i

(5)

The excess chemical potential is closely related to the pseudo-chemical potential, 𝜇𝑖∗ ,
which has been introduced by Ben-Naim51 and which is frequently used in computational
chemistry. The pseudo-chemical potential is defined as the change in the Gibbs energy
for the process of placing component i at some fixed position in the phase with a fixed
temperature, pressure and composition.51 For modelling of mixtures it has the advantage
that it can be calculated at any molar concentration within the solution. As a consequence,
it is not restricted to infinite dilution. Like the excess chemical potential, it is the chemical
potential in solution minus the ideal entropic contribution (see eq. (6)).52 It is thus only
different from the excess chemical potential if the internal partition function of the
molecule is affected by the phase transfer.53

i ,* = i − RT ln xi

(6)
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The total differential of the chemical potentials (eq. (7)) is needed to derive the
dependency of the phase equilibrium to the variables of state and thus the thermodynamic
relation for modelling solid-liquid phase equilibria with π = s, l. The three parts represent
the thermal, mechanical and chemical potential, respectively.
N −1 
 
d i = − Si dT  + Vi  dP +   i

j  x j



 d  j
T . P

(7)

The total differential of the chemical potential combined with the Gibbs-Duhem relation
(eq. (3)) can be used for deriving the dependency of temperature, T, and composition, xi,
of a binary system (A and B) with two coexisting phases (s and l) at thermodynamic
equilibrium.50, 54 For SLE this results in eq. (8) where [xsA (HlA − HsA ) + (1-xsA )(HlB −
HsB )] is the solution enthalpy ΔHsol of A.

(

)

T x As − x lA
dT
=
dxlA
1 − x lA  x As H Al − H As + 1 − x As

(

)

(

) (

)( H

l
B

− H Bs

)

 il 


  xil T , p


(8)

There are several variants of SLE which are relevant for modelling solubilities of chiral
molecules and their mixtures. In the following, two selected variants are derived which
are most relevant for modelling SLE of chiral compound-forming systems.

2.2.2 SLE of a binary or pseudo-binary system
The simplest case of a binary SLE is set up by two components which are both present in
the liquid phase (Al and Sl) but where only one component (As) is present in the
equilibrated solid phase (see Figure 2.6). This type of SLE perfectly describes the
solubility of a single component crystalline solid which is in contact with a solvent. In a
more complex form Sl can be a representative for a solvent mixture Sli…SlN of N
constituents within a pseudo-binary system.

Figure 2.6: Illustration of a binary, two phase solid-liquid equilibria (SLE) - The dissolution of a
component A in a second compound S which stays in the liquid phase (e.g. a solvent).

The solubility of a single component solute can be either derived via the fundamental
equation of two binary coexisting phases (eq. (8)) or directly from the necessary
conditions of a thermodynamic equilibrium which needs the thermal, mechanical and
chemical potential to be identical in both phases.51 Neglecting the influences of pressure
and assuming that the temperature in all phases is identical the necessary condition for
thermodynamic equilibrium of one solid (s) and one liquid (l) phase is given by eq. (9).
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(9)

In combination with the definition of the chemical potential from eq. (4) one gets a
relation of the molar concentration of compound i in the liquid phase, the solubility xi, to
the difference in the chemical potential of compound i in the pure solid phase and the
liquid phase that is saturated with compound i, the pseudo-chemical potential μ𝑙,∗
which
i
has been defined previously in eq. (6).
− RT ln xil = il ,* − is = Gsol ,i

(10)

The difference in chemical potential of compound i in the pure solid phase and the
saturated liquid phase is defined as the partial molar Gibbs free energy of solution, ΔGsol,i.
It includes all interactions of the solute with the solution and thus as well non-ideal
solution quantities. Equation (10) will be used in this work for the calculation of the
solubility, xi, of single component solids which are commonly referred to as simple
eutectic systems.

2.2.3 SLE of a ternary or pseudo-ternary system
There are two possible multicomponent systems that are of relevance for modelling solidliquid phase equilibria systems that contain two components in one liquid phase but only
two components in the solid phase(s). The two variants are illustrated in Figure 2.7. The
two SLE models are capable to describe the ternary solution phase diagram of chiral
compound-forming systems.

Figure 2.7: (left) Illustration of a ternary solid-liquid equilibria (SLE) - The solution contains one
or more solvents Sil which stay only in the liquid phase and two solutes (Al and Bl) that (a)
crystallize into two solid phases (As or Bs) or (b) into a molecular compound (ABs). (right)
Illustration of a TPD of a chiral compound-forming system. Grey shaded areas within the TPD
correspond to the two SLE variants (a) and (b).

The two variants in Figure 2.7 (left) are sufficient to describe the ternary solution phase
diagram (TPD) of chiral compound-forming system. Hereby, A and B represent the two
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enantiomers (R) and (S) and AB represents the racemic compound (RS) (Figure 2.7 (left)).
System (a) in Figure 2.7 can be described in a similar way as binary two phase SLE
(Figure 2.6). Thus, eq. (10) can be equivalently used but the pseudo-chemical potential
of component i is now a function of the concentration of both solutes (Al and Bl). A system
referring to type (b) in Figure 2.7 requires a model for the crystallization or dissolution
of compound AB. The formation or dissociation of AB can be modelled analogous to a
chemical reaction where νi is the stoichiometric coefficient (see eq. (11)).

A A + B B  AB

(11)

The solid-liquid phase equilibria of a stoichiometric compound-forming system is
commonly derived via the fundamental equation of two binary coexisting phases (eq. (8))
by adjusting the molar concentrations within the solid phase with the stoichiometry of the
dissociation reaction of eq. (11). If one mole of compound AB is formed by υA and υB
mole of component A and B, respectively, the molar concentrations within the solid phase
are:50
xAs =

A
B
, 1 − xAs =
A + B
A + B

(12)

Combining the above formulated stoichiometry with the fundamental equation of two
binary coexisting phases (eq. (8)) and the definition of the pseudo chemical potential (eq.
(6)) gives the general equation of the solid-liquid phase equilibria of a stoichiometric
molecular compound which is equivalent to the equation of proposed by Prigogine and
Defay54.
Gsol , AB

 x l A  x l B 
= − RT ln  As   Bs  
 x A   xB  

(13)

The molecular compound of a chiral system nearly exclusively consists of an equimolar
“racemic” mixture of the two enantiomers (see Figure 2.7, right). If we assume that 1 mol
of racemic compound (AB = RS) is formed by ½ mol of each enantiomer (A = R and B =
S) the resulting stoichiometric constants are υR = υS = 0.5. Furthermore, both the solid and
the liquid phase can be expressed as binary mixtures of R and S. Hence, eq. (13) can be
reformulated with xlR = (1-xlS) and xsS = xsR = 0.5 as the solid phase comprises racemic
mixture of both enantiomers. This results in a relation between the molar concentration
of S and the Gibbs free energy of solution of compound RS which is equivalent to the
equation derived by Prigogine and Defay54 and which will be used in this work for
modelling mixtures of chiral compound-forming systems.

2Gsol , RS = − RT ln

(

xRl 1 − xRl

( 0.5·0.5)

) = − RT ln 4 x

2

l
R

(1 − x )
l
R

(14)

At the racemic (50:50) mixture xR = xS = 0.5·xRS where xRS represents the total solubility
of the racemic compound. This way, equation eq. (14) can be reformulated and coincides
with the equation (10) which has been formulated for a single solute SLE.
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l
− RT ln xRS
= Gsol , RS

(15)

2.2.4 Thermodynamic description of the eutectic composition
Regarding racemic compound-forming systems, the design of an enantioselective
crystallization process not only depends on the solubility of the pure enantiomer and
racemic compound (eqs. (10) and (15)). It requires knowledge on the complete ternary
phase diagram (Figure 2.7) and hence on the SLE of mixtures of the two enantiomers in
solution (see eq. (14)). The width of the region where either a pure enantiomer or the pure
racemic compound can be crystallized by thermodynamic control (marked in grey) is
defined by the eutectic composition.44 Consequently, the eutectic composition is a key
information which is required for crystallization process design of racemic compoundforming systems. The eutectic composition and the enantiomeric excess ee are defined by
xeu =

xSeu
xSeu + xReu

or

ee =

xSeu − xReu

(16)

xSeu + xReu

xeu is the maximum in solubility of the ternary system and its composition is a function
of temperature and the solvent.44, 55 Variations of the eutectic composition with
temperature can be potentially used for enantioseparation. The productivity of such a
process is defined by the magnitude of the shift and the eutectic composition itself.44 In
this section, a thermodynamic model is derived which relates the difference in Gibbs free
energy of solution between the racemic compound and the enantiomer, ΔRS-SΔGsol, to the
eutectic composition. It will be used in the following sections to predict xeu with different
thermodynamic approaches to model ΔRS-SΔGsol.
At the eutectic point, three phases are in equilibrium with each other, the pure solid
enantiomer in excess, the solid racemic compound and the liquid phase with the eutectic
composition. Assuming an excess of the (S) enantiomer and using the common definition
which refers 1 mol of racemic compound to ½ mol of each enantiomer the phase equilibria
are defined by:
equil. 1: Scrystal

 Gsol , S

→

equil. 2: RScrystal  Gsol , RS →

S solution
1
2

S solution +

1
2

(17)
Rsolution

The solubility of a pure enantiomer and a racemic compound-forming system are
described by eqs. (10) and (14) which are summarized below:

enantiomer:

RT ln xS = −Gsol , S

racemic compound:

RT ln 4 xR xS = −2Gsol , RS

(18)

As illustrated in Figure 2.8, the phase equilibria that are present at the eutectic system can
be established for the solid enantiomer (equil. 1b) as well as for the solid racemic
compound (equil. 2b) which are in equilibrium with the same liquid phase.
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Figure 2.8: Illustration of the TPD of a racemic compound. The phase equilibria are shown which
are relevant for the derivation of a thermodynamic model relating the eutectic composition to the
difference in Gibbs free energy of solution between the racemic compound and the enantiomer.

Via equation (18) the four phase equilibria within Figure 2.8 are formulated:

equil. 1a: RT ln xS = −Gsol ,S

equil. 2a: RT ln xRS = −Gsol , RS

eu
equil. 1b: RT ln xSeu = −Gsol
,S

eu
equil. 2b: RT ln 4 xReu xSeu = −2Gsol
, RS

(19)

Equil. 2a in eq. (19) implies that the liquid phase in equilibrium with the pure racemic
compound has a known composition of xS = xR = 0.5·xRS. Assuming an infinitely diluted
system, the Gibbs free energy of solution of the enantiomer and the racemic compound
within eq. (19) are the same for the eutectic system and for the pure system:
eu
Gsol , S = Gsol
,S
eu
Gsol , RS = Gsol
, RS

(20)

Combining eq. (19) and (20) two equations can be derived that relate the solubility of
each enantiomer at the eutectic system to the solubilities of the pure systems:
xSeu = xS
xReu =

xRS 2

(21)

4 xS

Using the definition of the eutectic composition and the enantiomeric excess ee (eq. (16))
in combination with equation (21) forms a relation between the solubility ratio α = xRS/xS
and the eutectic composition or the enantiomeric excess:
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xeu =

x +x
eu
S

=

eu
R
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1
1 + 1 4 ( xRS xS )

2

=

1
1 + 1 4 2

or
ee =

(22)
x −x
eu
S
eu
S

x +x

eu
R
eu
R

=

1 − 1 4 ( xRS xS )
1 + 1 4 ( xRS xS )

2
2

=

1 −1 4

2

1 + 1 4 2

Equation (22) is equivalent to a model that was proposed in literature55 to estimate the
eutectic composition from measured solubility ratios α = xRS/xS. Finally, we can combine
equation (22) and (19) to relate the solubility ratio α to the difference in Gibbs free energy
between the racemic compound and the enantiomer, ∆RS-S∆Gsol:
xeu =

1
1 + 1 4 ( xRS xS )

2

=

1




1 + 1 4 exp  −2

 RS − S Gsol 

RT


(23)

In case of no enantiomeric excess, xeu = 0.5 and the corresponding relative solubility
αmin=2. The Gibbs free energy of solution difference is then ∆RS-S∆Gsol = -RT ln(2). This
corresponds to an ideal conglomerate, a mechanical mixture of both enantiopure crystals.
An alternative derivation56, using a reference state of a mole of molecules, independent
of chirality, leads to to eq. (24). In that case xeu = 0.5 is related to ∆RS-S∆Gsol = 0.

xeu =

1
=
1+  2

1
G 
 
1 + exp  −2 RS − S sol 
RT



(24)

2.2.5 Temperature dependence of solid-liquid equilibria
The solubility of organic crystalline substances always increases with increasing
temperature. There are some salts, however, whose solubility in water does not change or
even decreases with increasing temperature. The temperature dependence of the solubility
can be described by the enthalpy of solution, ΔHsol, via the Van’t Hoff equation:

H sol
 ln xl
=−
 (1/ T )
R

(25)

Eq. (25) is frequently used to extract ΔHsol from solubility measurements using a linear
relation between the logarithmic mole fraction solubility and the inverse absolute
temperature (in Kelvin). However, it was shown that a temperature and concentration
independent solution enthalpy is often not valid, if solution temperatures are close to the
melting temperature or if saturation concentrations are high.57-59 Besides determining the
solution enthalpy indirectly from the temperature dependence of the molar solubility, it
can be determined by isothermal solution calorimetry methods with high accuracy.60 If
operated precisely, these methods are capable of quantifying influences of temperature
and solution concentration on the solution enthalpy of organic non-electrolytes.61-63
Solution calorimetry is a common method in pharmaceutical science to investigate
polymorphism and molecular interactions in solution.64
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2.3 Solubility prediction
In early stages of crystallization process design, for example in pharmaceutical
development65-67, the amount of substance available for experimental work is limited. In
consequence, rather than intensively determining solid-liquid phase diagrams through
direct solubility measurements, computational methods can be used to support or possibly
replace experimental investigations. Popular and fast computational methods which are
commonly used in industry are empirical Quantitative Structure–Property Relationship
(QSPR)7 methods. . Those however lack in physical insight and are often limited to water
as a solvent.68, 69 Most other approaches are based on computing the Gibbs free energy of
solution, ∆Gsol, in order to predict solid-liquid phase equilibria via eq. (10).70 In this
section two thermodynamic approaches for calculating ∆Gsol are presented which require
a limited amount of substance-specific experimental data or ultimately rely exclusively
on first-principle computational methods.

2.3.1 Thermodynamic cycles for solubility prediction
Before introducing the specific thermodynamic approaches to determine the Gibbs free
energy of solution which have been applied in this work, the conceptual approach of socalled “thermodynamic cycles” is elaborated. Analogously to the Hess’ Law of constant
heat (enthalpy) summation, a so-called Bordwell thermodynamic cycle71 can be
constructed in order to make a specific Gibbs free energy difference accessible - e.g.
∆Gsol from eq. (10). In the following, the term thermodynamic cycle will be used when
referring to a Bordwell type thermodynamic cycle. A conceptual illustration of a
thermodynamic cycle is depicted in Figure 2.9. Two exemplary ways are set up in order
to bypass a non-accessible (or hard-to-reach) transition between two distinct states S1 and
S2 by introducing a limited amount of intermediate state I1-I5. These intermediate states
should be either easily and precisely accessible by experiment or by computational
methods.

Figure 2.9: Conceptual illustration of a thermodynamic cycle which is constructed in order to
detour the transition from the state S1 to S2 via intermediate states, I, by introducing a distinct set
of auxiliary transition quantities, qi, that in sum describe the seeked quantity, Q.
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For the description of any thermodynamic quantity, qi, is accompanied by the addition of
uncertainties of determining the auxiliary quantities, δqi, which contributes to the total
uncertainty δQ. As every uncertainty δqi is assumed to be uncorrelated, we can describe
the total uncertainty by the square root of the sum of squares of the uncertainties of the N
auxiliary quantities:

Q =

( q1 )

2

++ ( qi ) ++ ( qN )
2

2

(26)

For solubility prediction, the Gibbs free energy of solution has to be modelled in order to
access solubilities via eqs. (10) and (14). Two thermodynamic pathways have been
proposed in literature in order to access the Gibbs free energy of solution, ΔGsol.72 Both
concepts are illustrated in Figure 2.10. In the upper cycle, which will be referred to as the
melt cycle, the solution free energy is approximated by the free energy difference when
transferring a molecule from the solid crystal via the super-cooled melt into the solution.
The lower cycle, which will be called the sublimation cycle, describes ΔGsol by the energy
differences needed to transfer one molecule from the crystal to the gas phase and
subsequently into the solution.
T

melting

Tmelt

melt
cycle

cooling

ΔGsol = ΔGmelt + ΔGE

mixing

heating

Tsol

solvation
cooling

sublimation
cycle

heating

ΔGsol = ΔGsubl + ΔGsolv

T=0K

Breaking up the
crystal lattice

solid

liquid

gas

state

Figure 2.10: Illustration of two thermodynamic cycles to describe the free energy of solution,
Gsol. The melt cycle (top) relies on the free energy of melting, Gmelt, and on the partial molar
free energy of mixing, GE. The sublimation cycle uses the free energies of sublimation, Gsubl,
and the solvation free energy, Gsolv. Both cycles rely on specific solvent/molecule properties
(indicated in red).

More specifically, the melt cycle relates the solution Gibbs free energy, ΔGsol, by the
Gibbs free energy of melting, ΔGmelt, and the excess Gibbs free energy of mixing the
supercooled melt with a solvent, ΔGiE.
Gsol = Gmelt + G E

(27)

Variants of the melt cycle are used by classical solubility prediction methods such as the
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general solubility equation (GSE)73-75 and other QSPR methods7, 76. The popular GSE for
example relates the aqueous solubility to the melting temperature and the case specific
octanol-water partition coefficient and is frequently used to calculate drug solubilities. It
empirically correlates ΔGmelt to the melting temperature and ΔGE to the octanol-water
partition coefficient.
The sublimation cycle alternatively uses an energetically less direct route via the gas
phase by expressing ΔGsol by the Gibbs free energy of sublimation, ΔGsubl, and the Gibbs
free energy of solvation, ΔGsolv, of component i:
Gsol = Gsubl + Gsolv

(28)

The sublimation cycle was suggested by Grant and Higuchi72 and first evaluated by
Palmer et al.10, 77 for predicting the aqueous solubility of organic molecules. For
exclusively predicting the solubility, the sublimation cycle appears to be favourable as it
uses the most computationally accessible solid-state quantity that can be derived directly
from the crystal structure, the lattice energy.
Both thermodynamic cycles (Figure 2.10) incorporate thermodynamic quantities (melting
or sublimation free energy) that are related to the crystalline solid and are specific
quantities of one crystal structure (see section 2.1.2). As a result, they are capable to
model solubility differences of polymorphs or chiral crystals. The two thermodynamic
cycles are discussed in more detail in the following sections. The relevant energy
quantities are specified and their experimental and/or computational determination are
presented.

2.4 Melt cycle
The melt cycle requires the determination of the Gibbs free energy of melting, ΔGmelt,
which is related to the melting temperature and melting enthalpy. An exclusively
computational determination of these melting thermodynamics is still not precise enough
for solubility prediction78, 79 or limited to group contribution methods that cannot
distinguish between polymorphs or chiral molecules.76, 80, 81 Hence, this work focuses on
the experimental investigation of, ΔGmelt, which is limited to substances that do not
decompose or sublimate before or during melting.

2.4.1 Melting
The Gibbs free energy of melting, ΔGmelt, is comprised of the melting enthalpy, ΔHmelt,
and the melting entropy, ΔSmelt.
Gmelt = H melt − T S melt

(29)

The melting enthalpy is accessible by experiment at melting temperature using
calorimetric methods like differential scanning calorimetry (DSC). The free energy
difference between the melt phase and the crystalline solid is zero per definition at
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thermodynamic equilibrium, ΔGmelt = 0. Hence, at melting temperature the entropy of
melting can be obtained via the melting enthalpy and the melting temperature,
∆Smelt = ∆Hmelt ⁄Tmelt . Based on the above, the free energy of melting that can be
calculated merely from the melting enthalpy and melting temperature:
Gmelt = H melt (1 − T / Tmelt )

(30)

However, the melting thermodynamic functions, ΔHmelt and ΔSmelt, are functions of
temperature and have to be corrected from the melting point to a given temperature, such
as the solution temperature Tsol, as illustrated in Figure 2.11.

Figure 2.11: Scheme of the melt cycle which relates the Gibbs free energy of solution to the Gibbs
energy of melting and the excess Gibbs energy of mixing (eq. (27)). It is experimentally accessible
only when the decomposition (or sublimation) temperature is above the melting temperature.
Solvent dependent properties are indicated in red.

𝑙
𝑠
Integrals of the heat capacity differences, ΔC𝑙−𝑠
P = CP − CP , between the supercooled
melt (l) and the solid (s) from Tmelt to Tref = Tsol add thermal corrections to the measured
values determined at melting temperature:

H melt (Tsol ) = H melt (Tmelt ) +

Tsol

 ΔC (T ) dT
l −s
P

(31)

Tmelt

Smelt (Tsol ) = Smelt (Tmelt ) +

Tsol



ΔCPl − s (T )
T

Tmelt

dT

(32)

Hence, the higher the melting temperature and the larger the difference in heat capacity
between the crystal and the melt the larger the thermal corrections. Combining eq. (29)
with eq. (31) and (32) results the general expression of the free energy of melting:

Gmelt = −

H melt
RT


T
1 −
 Tmelt


ΔCPl − s
l −s
+
Δ
C
dt
−
T
dt
 
P

t
 Tmelt
Tmelt
T

T

(33)

In literature thermal corrections are often neglected. In the most simplified case this
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results in the equation of Schröder and van Laar which gives the “ideal” solubility of a
single solute SLE if additionally the excess Gibbs free energy of mixing is set to zero
(ΔGE = 0):49

ln x = −

H melt
(1 − T / Tmelt )
RT

(34)

For a racemic compound the equivalent to the Schröder van Laar equation is the equation
of Prigogine and Defay:54

ln 4 x (1 − x ) = −

2H melt
(1 − T / Tmelt )
RT

(35)

However, it has been shown that thermal corrections can influence melting free energies
and subsequently the logarithmic solubility significantly by δln xi = 0.5 to 1.7 and thus
should not be neglected for solubility prediction.82 Several methods are proposed in the
literature to incorporate temperature corrections which rely on different amounts of
experimental input.59, 82, 83 The crudest methods do not require direct measurements but
use an empirical temperature independent value for heat capacity difference. For
example, the average ΔC𝑙−𝑠
P of 117 organic molecules can be used which was shown to
𝑙−𝑠
be ΔCP = 84 J·mol-1K-1 but has a large standard deviation of 57 J·mol-1K-1.83 A further
temperature independent empirical simplification is to approximate the heat capacity
49
difference by the entropy of melting, ΔC𝑙−𝑠
P = ∆Smelt = ∆Hmelt / ∆Tmelt. Experimentally
costlier are substance specific measurements of heat capacity difference (for example at
melting temperature) which are in its simplest form assumed to be temperatureindependent.59 An experimentally more demanding method requires experimental heat
capacities of the crystal from reference temperature to melting temperature and
measurements of the heat capacity of the melt above and if accessible below melting
temperature. However, heat capacities of the supercooled melt are often not accessible
due to recrystallization. Alternatively, they can be linearly extrapolated from Tmelt to Tref
in order to approximate a temperature-dependent heat capacity difference. Any of the
before described way to model ΔC𝑙−𝑠
P can be used within eq. (33) to calculate temperature
corrected Gibbs free energy of melting.

2.4.2 Mixing
In order to allow the solution to exhibit non-ideal behaviour and hence the solubility to
be affected by the solvent and by the number of dissolved molecules (concentration
dependence), the excess Gibbs free energy of mixing, ∆GE , is introduced:

G E = RT ln  i

(36)

The activity coefficient, γ, which has been defined earlier in eq. (4) incorporates all
deviations from the ideal solution. As a consequence, it is a function of temperature and
composition of the solution. Most activity coefficient based thermodynamic methods, socalled gE-models, are used in combination with the simplified description of the free
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energy of melting of eq. (34) which neglects the contribution of the heat capacity
difference. Further information on available gE-models are given later on in section 2.7.3.
According to the melt cycle (27) the enthalpic solution non-idealities, the excess
enthalpies HE, are related to the solution and melting enthalpies. More precisely, the
excess enthalpies of the solution describe the difference between the solution enthalpy at
Tref and the corrected melting enthalpy at Tref according to eq. (37). Like the excess Gibbs
free energy of mixing HE is related to the activity coefficient and thus is a function of the
temperature and the solution concentration.

ΔH sol = ΔH melt + H E

(37)

2.5 Sublimation cycle
The sublimation cycle in eq. (28) substitutes the melting thermodynamic quantities by
introducing the gaseous state. This is based on the idea that the separated molecule (ideal
gas) and the perfect crystal are two idealized thermodynamic states that are
computationally well accessible using ab-initio quantum chemistry methods84-86. As a
result, it offers an option for calculating solubility using solely computational methods.
However, the sublimation thermodynamic quantities are as well accessible experimentally with high accuracy from sublimation vapor pressures.87 Experimental data is
required as reference quantities for predictive methods to work out sources of the
computational errors. The experimental and computational routes are illustrated in Figure
2.12.

Figure 2.12: Illustration of the sublimation cycle which describes the Gibbs free energy of
solution, ΔGsol, with the Gibbs free energy of sublimation, ΔGsubl, and solvation, ΔGsolv, (eq. (28)).
The red area indicates the accessibility of ΔGsubl by experiment and the light blue area indicates
the route via the lattice energy, Elatt, that is accessible by ab initio quantum chemistry. Solventdependent properties are indicated in red.
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Both routes thermodynamically connect the Gibbs free energy of solution, ΔGsol, with the
free energy of sublimation, ΔGsubl, and the Gibbs free energy of solvation, ΔGsolv. The
experimental route is limited to cases where the sublimation temperature is below
decomposition temperature.

2.5.1 Sublimation
The highest temperature a crystalline solid can sublimate is the triple point temperature,
Ttp, which is equal to the melting temperature if the melting of the crystal is independent
of the pressure (see Figure 2.5). This temperature defines the limit for an experimental
investigation if the specific substance does not decompose before. Experimentally, the
Gibbs free energy of sublimation, ΔGsubl, is directly accessible via the sublimation vapor
pressure of a crystalline solid:88
− RTln ( pi / p0 ) = Gsubl

(38)

Hereby, pi is the absolute vapor pressure of substance i and p0 is the reference pressure
which is defined as 1 bar throughout this work. ΔGsubl is comprised of the sublimation
enthalpy ΔHsubl, and the sublimation entropy ΔSsubl.
Gsubl = H subl − T S subl

(39)

Analogously to the connection of solution enthalpy to the temperature dependency of the
solubility via the Van’t Hoff relation (see eq. (25)), the sublimation enthalpy is related to
the temperature dependence of the vapor pressures. It is accessible via the so-called Clausius–
Clapeyron equation88:

H subl ,i
 ln pi
=−
T
RT 2

(40)

Due to the low vapor pressures of organic crystalline substances, sublimation
measurements are usually performed at elevated temperatures as indicated in Figure 2.12
(light red area). Hence, the extracted sublimation enthalpy should be corrected to a
reference temperature in order to ensure comparability between various experimental
data.82, 87 Similar to melting enthalpies (see eq. (31)) Kirchhoff’s law can be used to adjust
the heat of sublimation to the desired temperature. Assuming that sublimation is determined
at the triple point (tp), ΔHsubl can be adjusted according to eq. (41) if no solid-solid phase
transition occurs within that temperature range.88
H subl ,i (Tref ) = H subl ,i (Ttp ) + 

Ttp

Tref

(C

s
P

)

− CPg dT

(41)
𝑔−𝑠

𝑔

There are simplified empirical methods to determine ΔCP =CP − CP𝑠 which are
𝑔−𝑠
𝑔−𝑠
molecule-independent: ΔCP =2R (~9.6 J·mol-1K-1) or ΔCP =6R (~28.9 J·mol-1K-1).82
𝑔−𝑠
An experimental dataset of 117 molecules suggests ΔCP to be 32.7±45.5 J mol-1 K-1. 83
Besides that, measured solid-state heat capacity and calculated ideal gas heat capacities can
𝑔−𝑠
be combined to approximate a substance-specific ΔCP .87

In contrast to an experimental determination at elevated temperatures, the sublimation
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thermodynamics are computationally accessible via the static crystal at zero Kelvin (see
blue area in Figure 2.12). At zero Kelvin, the equivalent to the sublimation free energy is
the lattice energy, Elatt, which is the energy needed for breaking up the static crystal
lattice. More specifically, it is defined as the energy difference between a static perfect
infinite crystal (ideal static solid – iss) and its related ideal static gas (isg) phase of
infinitely separated molecules in their lowest energy conformation both at 0 K:

Elatt =

E iss
− E isg = Einter + Eintra
Z

(42)

Where Eisg is the energy of the static separated molecule (ideal static gas), Eiss is the
energy of the ideal static solid crystal and Z is the number of molecules within the unit
cell. The lattice energy can be separated into two contributions.89 The dominant
contribution is the intermolecular energy, Einter, which includes all electrostatic as well as
polarization, dispersion and repulsion contribution (see Figure 2.13). They all depend on
intermolecular distances and hence on the crystal packing.90 ΔEintra is the difference in
energy for a single molecule in the crystal conformation and in its lowest energy
conformation in the ideal gas. ΔEintra is zero for rigid molecules and typically in the order
of a few kJ·mol-1 unless intramolecular hydrogen bonding is involved.11
Advance in computer technology enables a fast and reliable calculation of the lattice
energy and lattice vibrations of an organic compound.91 Nowadays, Elatt can be calculated
with increasing accuracy with DFT shown for benzene, which has been computed with
an accuracy of better than 1 kJ mol-1.86 Recent benchmarks of larger sets of molecules
show an increase in accuracy of better92, 93 or equal85 to 4.9 kJ∙mol-1 which is the statistical
uncertainty of measurements of ΔHsubl94. Hence, the precision of computational methods
is converging to the level of relatively small polymorphic or enantiopure/racemic energy
differences. For example, the lattice energy differences between observed polymorphs
are usually less than 4 kJ∙mol-1 (80% of the cases)28, which is in the same range as the
energy difference between homochiral and racemic crystals95.
Besides the lattice energy, various thermal corrections contribute to the Gibbs free energy
of sublimation. They are required to close the large gap between the ideal static states and
a real system at solution temperature as illustrated in Figure 2.12. Corrections include
enthalpy and entropy terms, ΔHcorr and ΔSsubl, which all contribute to ΔGsubl as shown in
eq. (43). Following the concept of absolute entropy, the entropy contribution to the
sublimation free energy is not labelled as an entropy correction but as an absolute value
(ΔScorr = ΔSsubl) within eq. (43).
Gsubl = − Elatt + Gcorr = − Elatt + H corr − T S subl

(43)

Thermal corrections are comprised of contributions of zero-point vibrational energy and
thermal corrections between zero Kelvin and reference temperature (see Figure 2.12). The
zero-point vibrational energy is the lowest energy a quantum mechanical system can have.
It describes the energy gap between an idealized static thermodynamic state to a system
at zero Kelvin. Hence, the difference in zero-point energy between the crystal and the gas,
g

∆EZPE = EZPE − EsZPE , shifts energy difference between the idealized static solid (iss)
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and the ideal static gas (isg) to an energy difference between the crystalline solid (s) and
the ideal gas (g) at zero Kelvin. The difference in heat capacity on the other hand,
𝑔−𝑠
𝑔
ΔCP =CP − CP𝑠 , levitates the energy difference between the gas and the solid from zero
K to the reference temperature by introducing an enthalpy correction, ΔHcorr, and the
sublimation entropy, ΔSsubl, as shown in eq. (44).
T

(

)  C (T ) dT
g −s
P

g
s
H corr = EZPE
− EZPE
+

'

'

T ' =0

T

S subl =



C

g −s
P

T ' =0

T

'

(T ) dT

(44)

'

'

Unlike for the thermal corrections to the experimental sublimation enthalpies (see eq.
𝑔−𝑠
(41)), in eq. (44) ΔCP are required for a significantly larger temperature range. Yet still,
there is a substance independent method to approximate ΔHcorr by -2RT within the socalled 2RT-approximation96. However, there is no equivalent simplified method for
determining ΔSsubl. Therefore, calculated (or measured) solid-state heat capacities and
calculated ideal gas heat capacities have to be acquired.87 Computations require details
on the molecular and lattice vibrational frequencies97. Further details on the computation
of thermal corrections to the lattice energies are given in more detail in section 2.6.5.

2.5.2 Solvation
The Gibbs free energy of solvation is needed to transfer the gas phase molecule into the
solution after its sublimation from the crystal structure to close the sublimation cycle
(Figure 2.12). It is defined as the change in Gibbs free energy when a molecule (or an
ion) is transferred from a vacuum (the ideal gas) into a solvent and is required at solution
temperature. It can be computed as the difference between the chemical potential of
ig

component i in the solution, μli , and its chemical potential in the ideal gas, μi :

Gsolv = il − iig

(45)

According to the sublimation cycle in eq. (28) the solvation enthalpy ΔHsolv which is the
heat that is released when transferring the molecule from the gas phase into solution is
related to the solution and sublimation enthalpies. More precisely, the solvation
enthalpies is the difference between the solution enthalpy at Tsol and the corrected melting
enthalpy at Tsol according to eq. (46). Like the excess Gibbs free energy of solvation,
ΔGsolv it is related to the activity coefficient and thus is a function of the temperature and
the solution concentration.
ΔH sol = ΔH subl + ΔH solv

(46)
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2.5.3 Standard states for sublimation and solvation thermodynamics
There are two commonly used standard states which use different sublimation and
solvation free energies and result in different units for the calculated solubilities. Both
approaches are introduced in the following while one standard state system is chosen
which is used throughout this work.
Computations of solvation free energies are often quoted in the Ben-Naim standard state51
(suffix *) which refers to 1 mol of gas that is solvated in 1 litre of solvent. Alternatively,
the gas phase is related to 1 bar of ideal gas which is solvated in 1 mol of solvent
(suffix 0). The solvation free energies of the two different reference states can be
converted into one another with knowledge with the molar volume of the solvent (or the
solution), Vl, and of the ideal gas, Vig:

 V ig 
*
0
Gsolv
= Gsolv
− RT ln  l 
V 

(47)

Experimental sublimation free energies are commonly referred to 1 mol of substance that
is transferred to 1 bar or 1 atm of ideal gas. Hence, for an application within the
sublimation cycle the bar/mol standard state (suffix 0) directly leads to a mole fraction
solubility, xi, while mol/l standard state (suffix *) results in a mol/l solubility, Si, and
needs the Gibbs free energy of sublimation to be converted using the molar volumes of
the crystal and the gas, Vs and Vig, via eq. (48).

G

*
subl

= G

0
subl

 Vs 
− RT ln  ig 
V 

(48)

In this work, the bar/mol standard state system (suffix 0) is used for the solvation and
sublimation free energies. It results in the wanted mole fraction solubility (see eq. (1))
without the need of unit conversions requiring molar volumes of the crystal when
choosing the mol/l reference state77. Furthermore, the bar/mol reference state is the
standard reference state within the COSMO-RS model which is used in this work for
calculating ΔGsolv as discussed later in section 2.6.6 and 2.7.2.

2.6 Modelling molecular interactions
All interactions in atoms and molecules are fundamentally electric in nature.90 To be able
to differentiate between intermolecular forces they are commonly divided into different
classes. Figure 2.13 illustrates the commonly used classification of non-covalent
molecular interactions, dividing them into Coulombic (often referred to as electrostatic)
interactions which incorporate the undistorted and directed interaction energies and van
der Waals (vdW) interactions which originate from induction and dispersion. The various
intermolecular potentials differ in strength and their dependency on the distance of the
contributing charges. Ion-Ion interactions for example are strong and long-range
interaction energies while vdW interactions deplete quickly with intermolecular distances
and are weak in comparison. Hydrogen bonds are strong and directed dipole-dipole
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interactions where the proton acceptor and proton donator only have a very short distance.
They play an exclusively important role for modelling interactions the crystal lattice as
well in solution. More detailed information on intermolecular forces and modelling
approaches can be found refs. 90, 98.

Figure 2.13: Classification of non-covalent molecular interactions. The coloured clouds
schematically illustrate intermolecular interactions based on interactions of electron densities
which were adapted from ref. 99.

2.6.1 Density Functional Theory (DFT)
This section provides a brief insight into the theory behind quantum chemistry methods
based on Density Functional Theory (DFT), focussing on those methods that have been
used within this work. The interested reader is referred to additional literature for a more
detailed representation.100-102
Electronic structure calculations – such as DFT – are frequently used to determine the
lowest-energy state of a many-electron system (e.g. a molecule), the so-called ground
state. For that, they try to solve the time independent, non-relativistic Schrödinger
equation shown in eq. (49) in a numerically efficient way.100
Hˆ  (ri ...rN ) = E  (ri ...rN )

(49)

̂ , the Hamiltonian, is the quantum mechanical operator and ri is the coordinate of an
H
electron i of a system containing N elections. The Hamiltonian is constructed to extract
̂ consists of a sum
the energies from a system that is described by Ψ, the wave function. H
of three terms, the kinetic energy, the interaction energy with the external potential and
the electron-electron interaction energy. Methods that provide solutions of eq. (49)
without the need of experimental data are called ab initio methods. Born-Oppenheimer
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introduced an important simplification which states that firstly the motion of the nuclei
and electrons can be separated and that secondly the relatively small velocity of the nuclei
can be neglected in contrast to the motion of the electrons which reduces the complexity
of the Hamiltonian and which made the Schrödinger equation accessible.
Two commonly used methods make use of the Born-Oppenheimer approximation by
treating only the electrons as quantum mechanical objects. The so-called Hartree-Fock
(HF) theory uses this assumption by averaging all electron-electron interactions.100
Alternatively, the electron distribution can be described by its probability density which
is related to the square of the wave function (Ψ2). The basic theorem of Density Functional
Theory (DFT) has been proposed by Hohenberg and Kohn103 which states that the ground
state electronic energy is directly correlated to the electron density and depends on only
three spatial coordinates. Besides it theoretical accessibility it can be determined as well
experimentally (see Figure 2.14) and hence is not merely a theoretical concept.

Figure 2.14: Comparison of an electron density map of m-nitrophenol that has been determined
(left) experimentally by high-resolution X-ray diffraction and (right) computationally via Density
Functional Theory.104

2.6.2 Density functionals
After Kohn-Sham proposed an approach in which the fully-interacting system is replaced
by a system of non-interacting electrons it became obvious that there is a need to construct
exchange-correlation functionals that are capable to model interactions between
electrons.102 The most well-known exchange-correlation functionals belong to the class
of Local Density Approximation (LDA), Generalized Gradient Approximation (GGA),
Meta-GGA and Hybrid Functionals. Until now, numerous exchange-correlation function
have been proposed while most well known and most used functionals belong to the
GGA, meta-GGA and Hybrid class.105 Hybrid functionals mix LDA and GGA functionals
with some part of Hartree-Fock exchange in a given ratio or by fitting the parameters to
experimental data which makes them a semi-empirical method. The most well-known
hybrid functional is the B3-LYP functional. Selected functionals that are used in this work
are summarized and classified within Table 2.1.
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Table 2.1: Summary of the exchange-correlation density functionals that have been used in this
work. The corresponding literature referring to the respective functional can be found here105.

Class
GGA
Meta-GGA
Hybrid

Functionals
B-LYP, B-P86, PBE,
B97-D (semi-empirical)
M06
B3-LYP

A major drawback of DFT methods is related to their difficulties to accurately model the
rather week vdW interactions (see Figure 2.13). Especially the long range attractive
interaction tail of the London dispersion interactions are difficult for most functionals.106
This is especially relevant for the computation of crystal structures, so-called periodic
DFT methods (see subsequent section 2.6.4). Within a crystal, the molecules are closely
packed and intermolecular interactions are in some cases dominated by van der Waals
forces (e.g. naphthalene). To overcome this inherent limits of DFT methods, corrections
terms, so-called dispersion corrections, are frequently used, which add an empirical
correction term.106, 107 Besides that, methods have been proposed that are parameterized
by ab initio methods without the incorporation of experimental data.108 It has been shown
that the dispersion correction sometimes account for errors of up to 80 % depending on
the functional used in weakly bound systems.109 Hence, their precise incorporation is one
of the key challenges in the development of new density functionals.102

2.6.3 Basis sets
All density functionals require a computational efficient framework to calculate the
electronic wave function. Basis sets are used in quantum chemistry methods in order to
approximate the wave function by a set of known functions which can be efficiently
solved numerically. More specifically, a basis set is comprised of so-called basis
functions using linear combinations of those to model the molecular orbitals of a system.
This is not necessarily an approximation if the basis set is complete which would require
an infinite number of basis functions. Hence, for practical applications the choice of the
basis set is always a balance between accuracy and computational cost. Generally
speaking, the smaller the basis set, the poorer is the resulting representation of the wave
function. Most commonly a linear combination of atomic orbitals on each nucleus
(LCAO), more specifically Gaussian-type orbitals (GTO), are used as they allow
computationally efficient implementations of electronic structure calculations.110 Within
this work mainly GTO type basis functions are used. However, especially for the
description of this three-dimensional systems, such as molecular crystals, plane-wave
(PW) type basis functions111, 112 or a hybrid of the Gaussian and plane-wave scheme113
are used.
The smallest GTO type basis set for electronic structure calculations of a molecule
contains just one function for each occupied orbital of each nucleus. For example, for
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hydrogen the minimum basis (Single Zeta, SZ) set would require a single s-function
representing the 1s orbital whereas at least four basis functions for carbon, oxygen and
nitrogen (one s- and a set of p-orbitals). A better description of the wave function is
obtained when taking twice as many basis functions as the minimal basis set that each
can be fully optimized as done in a Double Zeta (DZ) basis set. Increasing the number of
basis functions allows the electron distribution to be different in different directions which
is for example important for chemical bonding. As chemical bonding and non-covalent
intermolecular interactions occurs predominantly between valence electrons it is
computationally more efficient to use the Double Zeta method only for the valence
orbitals which is done by the so-called Split-Valence (SV) basis set. Adding more than
two basis functions for each valence orbital leads to often used triple (TZV) and
quadruple-zeta (QZV) basis sets. Additional flexibility can be built into the system to
account for strong direction-dependent electron distribution by adding an additional
higher orbital basis function which is denoted as Polarization Function. This leads to one
of the most common basis sets, the SVP (Split Valence Double-Zeta plus Polarization)
and the TZVP (Split Valence Triple-Zeta plus Polarization) basis set.

2.6.4 Modelling molecular interactions in the crystal
Especially in the field of solid-state chemistry, DFT has wide applications for the
computation of structural, chemical, optical, spectroscopic, vibrational and
thermodynamic properties.84 This section focuses on the application of periodic DFT for
modelling molecular interactions in a crystal in order to determine its lattice energy. More
in-depth information are given in literature84, 114.
To be able to calculate the electronic ground state and energy of a crystalline solid using
DFT the symmetry and periodicity of a crystal structure can be exploited to reduce the
computational cost. As introduced before a crystal structure can be described by its unit
cell (see Figure 2.3). It is characterized by the length of the cell vectors a, b and c as well
as the angles between the cell vectors α, β and γ. For periodic calculations a commonly
used mathematical simplification is the concept of reciprocal space. Hereby, the unit cell
vectors (a, b and c) are converted to forming a reciprocal lattice, which is named the 1st
Brillouin zone. It is defined as the most symmetric unit cell (the Wigner-Seitz cell) for
the reciprocal lattice.29
The periodicity of crystals can then be exploited by applying Bloch’s theorem which
expresses the wave function as a periodic Bloch function whose wave vector is
constructed from the centre of the reciprocal lattice. Integrals over the Brillouin zone are
approximated numerically, with so-called Bloch wave functions and sampled on a
discrete mesh of wave vectors often referred to as k-points.84 The Bloch wave function
(also called Bloch state or Bloch function) represents the wave function for an electron in
the periodically-repeating environment, e.g. the crystal, while the k-points represent the
points where the system is evaluated.115 The higher the number of k-points the better the
approximated integral over the entire unit cell. In practice, the Brillouin zone can be
constructed by considering a finite and relatively small number of k-points.90 An
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important k-point is the gamma point (Γ-point) where k = 0, which is the centre point of
the 1st Brillouin zone. An important quantity which determines the complexity and time
needed to calculate the lattice energy of an organic crystal is the number of independent
molecules within the unit cell, Z’. In 88 % of the cases molecular crystals incorporate
only one independent molecule in the unit cell (Z’ ≤ 1) while the cases where Z’ ≥ 2 is
rare and accounts to less than 1 % of the crystals in the Cambridge Crystal Database
(CSD).31 However, if internal symmetry within the unit cell cannot be exploited by a
computational method the total number of molecules, Z, defines the number molecules
within the unit cell which is often significantly larger then Z’.

2.6.5 Thermal corrections to the lattice energies
Calculating electronic energies of a single molecule or of molecular crystals using above
introduced DFT and periodic DFT methods gives the ground-state energies of
hypothetical non-vibrating (static) molecules at zero Kelvin. This is a result of the
underlying assumption that the atomic nuclei are static.100 As discussed before (see Figure
2.12), in order to model solid-liquid phase equilibria via the sublimation cycle lattice,
energies obtained from the static molecular interaction energies have to be adjusted to
solution temperatures (hence to around 298 K). Of relevance are the gas phase as well as
solid phase enthalpy and entropy contributions. In order to incorporate temperature and
thus enthalpy and entropy corrections to the ground state energies statistical mechanics is
applied to the quantum mechanical systems.116 Besides calculating the total energies of a
system, DFT methods can be used to calculate the second derivatives of these energies.
The second derivatives give the molecular Hessian matrix which enable the calculation
of vibrational frequencies within the harmonic approximation. Vibrational frequencies
can subsequently be used to calculate the vibrational part of the partition function which
is required for calculating the thermodynamic functions at temperatures other than 0 K.
This will be discussed in more detail in the following.

Gas phase contributions
Excluding electronic excitations, thermal stimulation of a static ground state of an isolated
molecule results in translational, rotational and vibrational motions of the molecule. The
resulting thermodynamic functions are accessible via the molecular partition function, Q,
which originates from statistical thermodynamics. Given the partition function the
temperature-dependent heat capacities of the separated molecule (ideal gas) and its
general thermodynamic functions can be calculated:117

CP (T ) = RT


( TlnQ ) + R
T

S (T ) = R + R ln Q + RT

 ln Q
T

(50)
(51)
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RT 2 Q
+ RT
Q T

(52)

where R is the ideal gas constant. A simplified way to model the partition function is to
use the so-called Rigid Rotor Harmonic Oscillator (RRHO) approximation. First of all, it
assumes that the translational, rotational and vibrational motions are decoupled.
Secondly, the vibrational contributions to the thermodynamic functions are calculated as
summations over all vibrational frequencies which are assumed to be harmonic. The
molecular vibrational frequencies are accessible from the second derivative (Hessian
matrix) of the ground state energies. Each molecule has 3N-6 harmonic vibrational
frequencies where N specifies the number of atoms within the molecule. All parts of the
partition function and the resulting thermodynamic functions are summarized in Table
2.2 according to literature117.

Table 2.2: Classical approximation of the translational, rotational and vibrational parts of the
partition function Q and the resulting thermodynamic functions CP, S(T) and H(T)-H(0) of an
ideal gas according to eqs. (50) to (52) and ref. 117.
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* For a linear molecule the expressions change slightly as a result of rotational symmetry.

Thermal excitations are dependent on temperature and are zero at zero Kelvin. However,
in classical quantum mechanics an oscillator is always in motion and has a residual
Energy at zero Kelvin, the zero-point vibrational energy (ZPE). The ZPE is not accessible
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by caloric measurements but can be calculated from measured or calculated vibrational
frequencies of the molecules. Within the RRHO approximation the ZPE in the gas phase
equals one-half the sum of the 3N-6 harmonic vibrational frequencies:117
g
EZPE
=

h 3 N −6
 i
2 i

(53)

Crystalline phase contributions
Molecular motions within the crystal can be divided into two types. Similarly, as for
molecules in the ideal gas, molecules within the crystal can be thermally exited which
results in molecular vibrations. However, as they are packed within a crystal lattice
molecular motions are limited to only vibrations while translational and rotational
movements are inhibited. It is often assumed that the vibrational motions of each
molecule are independent of the surrounding molecules. This would lead to the same
molecular vibrational thermodynamic functions as for a separated molecule (see Table
2.2). However, besides the motions of each molecule the molecules within the lattice can
uniformly oscillate at a specific frequency resulting in lattice vibrations. These
vibrational modes are often called phonon modes. A phonon is a quantum mechanical
description of such a vibrational motion of the lattice. Phonon modes can be divided into
optical and acoustic modes where acoustic modes relate to motions that are in phase
within the unit cell while optical modes to out of phase motions. There are models that
assume the phonon modes to be independent from the molecular modes and others that
allow interactions between the molecular and lattice vibrations. Within this work both
assumptions are compared for chiral molecular crystals and are introduced later on in
section 2.7.2 along with further computational details.

Thermal corrections to the lattice energy
According to eq. (44), the resulting overall thermal enthalpy and entropy corrections
(ΔHcorr and ΔScorr) to the lattice energy are related to the difference between the
aforementioned gas phase contributions and those of the crystalline solid. In the costliest
form, all thermal enthalpy and entropy contributions are determined independently for
the ideal gas and the crystalline solid. Hereby, the solid-state heat capacities between zero
Kelvin and reference temperature can either be determined experimentally or by
computational methods. Together with the ideal gas thermodynamic functions (see Table
2.2) the overall thermal corrections are accessible via eq. (44). However, frequently
assumptions are made in order to reduce the computational effort. If molecular and lattice
vibrations are assumed to be decoupled, the molecular (zero-point and thermal)
vibrational energy contributions, ∆Emol
vib , are identical in the crystal and for the separated
(ideal gas) molecule.
As a consequence, they cancel out which results in a simplified expression of the overall
g-s
latt
vibrational contributions (∆Evib = ∆Emol
vib + ∆Evib ) and finally of ΔHcorr:
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(54)

where ∆Elatt
vib is the total (thermal and zero-point) vibrational energy which is related to
lattice vibrations. This expression can be further simplified resulting in a simple molecule
independent model, the so-called 2RT-approximation101. This requires on the one hand to
neglect all remaining zero-point vibrational energy differences between the crystal and
the gas. Secondly, the temperature is assumed to be high enough to treat intermolecular
vibrations as if they were at the high-temperature limit. Together, this gives a ∆Elatt
vib of
6R. Hence, the overall thermal correction enthalpy correction is given by the 2RTapproximation:
H subl = − Elatt − 2 RT

(55)

Entropy contributions to the sublimation free energy, TΔSsubl, is not accessible by an
equivalent simplified expression such as the 2RT-approximation. As a consequence,
vibrational frequencies within the separated molecule and the crystal lattice have to be
modelled explicitly.

2.6.6 Modelling molecular interactions in solution
The two thermodynamic cycles shown in Figure 2.10 both incorporate molecular
interaction energies between the solute molecules and the solution in a different way.
Within the melt cycle parts of solution process (the liquefaction) are incorporated within
the Gibbs free energy of melting which can be independently used to model “ideal”
solutions via the equation of Schröder and van Laar, eq. (34).49 Deviations to an ideal
solution are added via the activity coefficient and thus the excess Gibbs energy of mixing
ΔGE (see eq. (5)). ΔGE can be approximated by a thermodynamic model of the activity
coefficient, a so-called gE-model118, 119. Famous representatives are the NRTL,
UNIQUAC and the PC-SAFT model.49, 120 These methods however require substance
specific experimental solubilities to which their internal parameters are correlated to.
There are as well methods that do not rely on solubility measurements of the specific
substance but instead have been calibrated with a set of molecular interactions energies
which are not necessarily solubilities. These models are commonly called predictive
gE-models. The UNIFAC model for example approximates interactions of the solvated
molecule with the solution by interactions between the various functional groups of the
solute and the solvent. Thus, it relies on a set of binary interaction energies between the
various functional groups. The COSMO-RS121 model and the subsequently published
comparable COSMO-SAC122 model use the partial charges of the molecular surface of
the solute and solvent molecule to calculate their intermolecular interaction energies.
Hereby, the surface charges which are obtained from the polarizable continuum model
(PCM123) COSMO124 are divided into segments with a specific partial charge. The binary
interaction between these segments give the excess chemical potential in solution and
hence the activity coefficient.
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Figure 2.15: Computational approaches to model the Gibbs free energy of solvation, ΔGsolv.
Explicit models treat the solvent by individual solvent molecules while implicit models
approximate the solvent as a continuum. Many computational models are restricted to infinite
dilutions. The COSMO-RS model uses statistical thermodynamics to model non-dilute solutions.

Within the sublimation cycle the transition from the gas phase into solution, the Gibbs
free energy of solvation, incorporates the solvent specific interaction energies (see eq.
(28)). Computational ways to model the solvation free energy can be split up into explicit
and implicit models which differentiate mostly in the way the solvent is implemented. In
contrary to an explicit description of the solvent by a cluster of independently modelled
solvent molecules, implicit models express the solvent as a continuous field with no
explicit solvent coordinates (see Figure 2.15). The main contributions are (1) the
cavitation energy, ΔGcav, which is the energy needed to form a hole in the solvent for the
dissolved molecule; (2) the isotropic as well as anisotropic fixed charge electrostatic
interaction energies (e.g. dipole-dipole interactions and hydrogen bonds) and the van der
Waals interaction energies, ΔGvdW, and ΔGES, originating from induction and
polarization; (3) the reorientation energy due to relaxation of the solute and solvent
molecules, ΔGrelax, which possibly change ΔGvdW, and ΔGES.125 State of the art explicit
and implicit solvation models are summarized in a recently published overview.70

The COSMO-RS solvation model
In this work the COSMO-RS model121 is used for modelling molecular interactions in
solution. It is beneficial as it enables the calculation of the solvation terms from both
thermodynamic cycles, ΔGE and ΔGsolv (see Figure 2.10). As a consequence, it allows a
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consistent evaluation of both thermodynamic cycles. In the following the theoretical
background of the COSMO-RS model is briefly given. Additional information can be
found in ref. 52.
The so-called Conductor-like Screening Model for Real Solvents (COSMO-RS)
combines the implicit COSMO model124 with statistical thermodynamics of pairwise
interacting surface segments from the computed COSMO cavity. It is hereby assumed
that the surfaces are in close contact and that 3D geometry information can be neglected.
It incorporates eight empirical model as well as element specific parameters, a radius
constant and a dispersion constant for H, C, N, O and Cl, which are correlated against
experimental data. For parameterization free energy of hydration data as well as
experimental vapor pressures and the partition coefficients for octanol/water,
benzene/water, hexane/water, and diethyl ether/water have been used.126 Hence,
COSMO-RS can be classified as an extended continuum model which approximates the
transition from a polarized continuum to the concentrated saturated solution (step IV to
VI in Figure 2.15) using a parameterized statistical thermodynamics model. In order to
account for conformational variation in solution the interaction energies of various
molecular conformations can be weighted according to a Boltzmann distribution. It
should be mentioned that the different conformers are weighted according to their
chemical potential in solution and not their ground state ideal gas energies. Hence, the
weighting is affected by the molar concentration of the solute in solution and hence as
well by solute-solute interactions. The accuracy of COSMO-RS to model solvation free
energies for small and medium sized molecules is around 2.1 kJ mol-1 when using the
TZVPD-FINE parameterization.127 128 In the standard case the free energy of solvation is
calculated assuming an infinitely diluted system. There are some limitations for
applications of the COSMO-RS model as well as most above mentioned predictive gEmodels and implicit solvation models. Due to the neglect of explicit solvent coordinates
they cannot distinguish between enantiomers. Hence, strong interactions between one
enantiomer and the counter enantiomer caused by the three-dimensional geometry cannot
be resolved. However, there are some suggestions to incorporate three-dimensional
contact information into implicit polarized continuum solvation models that in principle
should be able to resolve interactions of enantiomers.128, 129
To be able to evaluate computed solvation energies (ΔGsolv or ΔGE) experimental
reference data is required. Experimentally determined ΔGsolv are rare and often restricted
to solvation in water (hydration).130 Solvation free energies can be calculated from either
Henry's law constants which is the partition coefficient between an infinitely diluted
solution and the gas phase. Alternatively, it can be recursively calculated from vapor
pressures and solubilities and hence the Gibbs free energy of sublimation and solution,
respectively, using eq. (28).130 In the same way experimental ΔGE can be recursively
calculated via eq. (27) the Gibbs energy of melting and solution. If ΔGsolv or ΔGE are
recursively determined from measured solubilities they are related to the saturated
solution and are thus not necessarily equal to calculations at infinite dilution (see Figure
2.15).
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2.7 Computational details
The previous section 2.6 provided the theoretical background to the computational
methods use in this work. In this section general details to the computational methods are
summarized. If required, additional details are given directly in the related subsections of
Chapter 4 “Results and Discussion”.

2.7.1 Gas phase energies and vibrations
If no three-dimensional information on the molecular structure was available 2D
representations of the molecular structure have been used, so-called SMILES (Simplified
Molecular-Input Line-Entry System)131. The isolated (ideal gas phase) molecular
structures were geometry optimized using TURBOMOLE (V6.5-V7.1)132. Def2-type
basis sets by Weigand and Ahlrichs133 and in most cases the B-P86134, 135 and PBE136
density functional have been used. They have been corrected (if not further specified)
with the ‘D3’137 dispersion correction. Calculations have been accelerated using the
resolution of identity approximation138. Harmonic molecular vibrations were calculated
on top of the optimized structures in the RRHO approximation using the aoforce-module
in TURBOMOLE. If imaginary frequencies were obtained the molecular structure was
re-optimized. The thermodynamic functions have been calculated using the freeh-module
as implemented in TURBOMOLE. This uses the harmonic vibrational frequencies from
the aoforce-module for evaluating the ideal gas thermodynamic functions via the RRHO
approximation according to Table 2.2.

2.7.2 Crystal lattice energies and vibrational frequencies
Lattice energies, Elatt, have been determined via eq. (42). Elatt requires the calculation of
the ideal gas energies, Eisg, and the average energy of a molecule within the unit cell,
Eiss/N, where N is the total number of molecules in the unit cell (see Figure 2.3). It is
essential that both energies are calculated in the same level of theory. Sublimation
thermodynamics at temperature other than 0 K (ΔHsubl, ΔSsubl and ΔGsubl) additionally
incorporate thermal corrections according to eqs. (43) and (44). They require the
calculations of molecular and lattice vibrational frequencies. In the following, all
computational methods that have been used in this work are presented.

The riper framework
For the computation of lattice energies, Elatt, periodic DFT calculations are performed
using the riper module within TURBOMOLE software package (V7.1)139. The riper
module is an implementation of Kohn-Sham DFT using Gaussian-type basis functions
that can compute periodic systems in three dimensions. A detailed description of its
implementation is provided in refs 140, 141. Experimental unit cell geometries were taken
from literature and are not computationally optimized. For the periodic DFT calculations
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as well as the corresponding ideal gas energies def2-type basis sets by Weigand and
Aldrichs133 and the B-P86134, 135 and PBE136 density functionals have been. They have
been corrected (if not further specified) with the “D3”137 dispersion correction. Dispersion
corrections are especially relevant for the computation of crystalline solid state structures
and lattice energies.142 Thermal corrections to the ground state energies cannot be
calculated within the riper framework.

The mol model
All energies within the mol model have been determined within a collaboration with
Professor Sarah L. Price, Rebecca Hylton and Jan Gerit Brandenburg from the Physical
Chemistry Section at University College in London. Additional information on the
computational method is given in the electronic supplementary information of ref. 41.
lattice energies have been determined using the CrystalOptimizer algorithm143 which
refines the crystal structure by a distributed multipole model for the intermolecular
electrostatic forces while allowing any torsion angles that have been determined to be
flexible to change in response to the crystal packing forces to minimize the lattice energy.
The intramolecular energies, ΔEintra, (eq. (42)) were evaluated using Gaussian 09144. The
charge densities are subsequently analysed by GDMA to give the distributed
multipoles.145, 146 Those are used in combination with an empiric model for the repulsiondispersion term in order to calculate the intermolecular lattice energy, Einter, (eq. (42))
using DMACRYS.89 Temperature effects to the static crystal lattice were calculated from
the Γ-point k =0 phonon modes147 using the DMACRYS89 model. The isolated molecular
vibrations were calculated at the PBE/def2-TZVP level of theory using the D3 dispersion
correction137 as described in section 2.7.1. As the molecular vibrations and lattice
vibrations are treated to be independent, a combination of a Debye-Einstein model can be
used to model the Helmholtz free energy of the system.148 As thermal expansion is
neglected the same model directly gives the thermal Gibbs energy contributions of the
crystal by eq. (56).
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Within eq. (56) the i = 3 ... 6Z-3 (Z is the number of molecules within the unit cell) optic
frequencies, ωE,i, are modelled with an Einstein model as well as the j = 3 … 6N-3 (N is
the number of atoms in the molecule) molecular vibrational frequencies, υi. A Debye
model is used to account for the acoustic modes by using one extrapolated Debye cut-off
frequency, ωD. The last part of eq. (56) is the Debye function which is integrated from 0
to ℏwD/kT. As molecular and lattice vibrations are decoupled, the zero-point energy
difference between the gas and the solid, ΔEZPE, can be calculated from optic lattice
vibrational frequencies (ωE,i) and the Debye cut-off frequency, ωD, via (57):148

Theory and Computational Methods

ΔEZPE =

40


NA  1
9
  i , E + D 
N  2 i 3
8


(57)

Eq. (56) together with eq. (57) and the ideal gas translational and rotational enthalpy and
entropy contributions from Table 2.2 gives the overall Gibbs energy correction, ΔGcorr,
to the lattice energy within eq. (43) according to eq. (58) (N = number of molecules in
the unit cell; NA = Avogadro number).
ig
ig
ΔGcorr = −ΔEZPE + N A k BT − T ( Strans
+ Srot
) − ΔGvib N A / N

(58)

The isochoric heat capacities can be separately calculated via eq. (59) where ωi comprises
all optic lattice (ωE,i) and all molecular vibrational frequencies (υi) while (ωD) is the
extrapolated Debye cut-off frequency.149
−2

2



 i  kBTi  kBTi
C (T ) = k B  
 e e − 1 +
i  k BT 


s
V

+

(

D / kT

36k B

 D / k BT )

3


0


D  kBTi 
t
dt − 9
e − 1
et − 1
T 

3

−1

(59)

The crys model
All energies within the mol model have been determined within a collaboration with
Professor Sarah L. Price, Rebecca Hylton and Jan Gerit Brandenburg from the Physical
Chemistry Section at University College London. A more detailed description is given in
the ESI of ref.150.
The computations were conducted with a developer version of the CRYSTAL14 program.
151
which can exploit full point and space group symmetry of the unit cell.152 The semiempirical HF-3c153, 154 method is used in combination with the “D3-BJ”137, 155 dispersion
correction while basis set superposition errors are and basis set incompleteness effects are
corrected by gCP156, 157 and SRB153, respectively. Vibrational frequencies from HF-3c are
globally scaled by 0.86 as common for Hartree-Fock methods and recommended in
literature.153 Heat capacity calculations require integration over all phonons using the
phonon density of states F(ω) and a numerical integration over the Brillouin zone at each
temperature:
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The zero-point energy of a molecule in the crystal is given by eq. (61).

(60)
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Within the cry the Gibbs free energy of the crystalline solid is related to the phonon
density of states by equation eq. (62) (N = number of molecules in the unit cell; NA =
Avogadro number).
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Eq. (62) together with zero-point energies of the ideal gas and of the crystal (eqs. (53)
and (61)), as well as the ideal gas enthalpy and entropy contributions from Table 2.2 gives
the overall free energy correction, ΔGcorr, to the lattice energy by eq. (63):
ig
s
ΔGcorr = ( EZPE
− EZPE
) + H ig + TS ig − G s

(63)

The mixed “exp/theory” model
In order to replace computed solid-state heat capacities with experimental CP𝑠 ,exp , a mixed
“exp/theory” model can be constructed. This combines numerical integrations of the
experimental solid-state heat capacities with calculated gas phase heat capacities (see
section 2.7.1) to quantify the heat capacity corrections within eq. (44). For integrating
experimental solid-state heat capacities they were extrapolated from the lowest
measurement point to 0 K using Debye’s cubic law, CP = A·T3. Finally, the heat capacities
are integrated numerically from 0 K to 298 K using spline functions using MATLAB
(Mathworks®). The “exp/theory” method has to be combined with calculated zero-point
energies as well as lattice energies to calculate ΔGsubl.
This has been done within section 4.3 where the “exp/theory” method is combined with
the aforementioned ѱmol and ѱcrys in order to evaluate experimental heat capacities of
lactide, naproxen and 3ClMA. In case of naproxen and 3ClMA experimental heat
capacities are not completely available in the full temperature range. To close the
temperature gap between the (later discussed) low temperature DHPC measurements and
high temperature DSC measurements, the heat capacity data was linearly interpolated
between 200 K and 300 K. Finally, the heat capacities were integrated numerically from
0 K to 298 K. The resulting enthalpy was subtracted from the thermal corrections of the
ideal gas which gives a heat capacity related thermal correction Hth and T∆Ssubl. They
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were combined with the ѱmol and ѱcrys zero-point energies to calculate sublimation
thermal corrections according to eq. (44). When further combined with the lattice
energies, the sublimation enthalpies and sublimation free energies of the ѱmol (exp/theory)
and ѱcrys (exp/theory) method can be calculated according to eq. (43).

Calculation of sublimation thermodynamic from experimental solubilities
As an alternative “experimental” reference quantity, sublimation enthalpies were
calculated from experimental solubility data via the sublimation cycle (see (28))). This
results in a sublimation Gibbs energy of ∆Gsubl,solub = -RT ln xexp – ∆Gsolv and a sublimation
enthalpy of ∆Hsubl,solub = -RT ln xexp – ∆Gsolv + T∆Ssubl. The entropy of sublimation is
obtained from integrals of the experimental solid state and calculated ideal gas CP/T from
0 K to 298 K. As a consequence, they are equivalent to the sublimation entropy of the
aforementioned “exp/theory” method. The Gibbs free energy of solvation ∆Gsolv was
calculated with the COSMO-RS model as described in the following section 2.7.3.

2.7.3 Solution thermodynamics
This section gives computational details for calculating ΔGE and ΔGsolv with the
COSMORS model. The theoretical framework has been described before in section 2.6.6.
The excess Gibbs free energy of mixing (see (36)) and the Gibbs free energy of solvation
(see (45)) were calculated using the COSMO-RS121, 126 model within the COSMOthermX
program (version C30_1301) from COSMOlogic GmbH & Co KG. In all cases the
BP_TZVPD_FINE_HB2012_C30_1301 (TZVPD-FINE) parameterization was used.
The TZVPD-FINE method is based on a COSMO single-point calculation in
TURBOMOLE (V6.5)139 , using the B-P86/def2-TZVPD level of theory on top of a
COSMO calculation using the B-P86/def-TZVP level of theory. This works solvation free
energies ΔGsolv are calculated in the bar/mol reference state system (see section 2.5.3). In
case the molecular structure of the solute is flexible, energy contributions of selected low
energy conformations are weighted according to a Boltzmann distribution (eq. (64));
where E is the ground-state COSMO energy of the molecule j which is part of the
conformational ensemble k. As the chemical potential of j in solution, μjl, contributes to
the weighted overall chemical potential of j, πjl, the solution concentration as well as the
solvent affects the conformational weighting.
 E +  lj 
exp  − j


k BT 

l
j =
 Ek + kl 
 k exp  − k T 
B



(64)

Conformational treatment is of special importance if there are multiple molecular
conformations within a small energy window that have significantly different surface
partial charges (e.g. if intramolecular hydrogen bonding occurs). An iterative procedure
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has been used to calculate the energy differences between an infinite solution and a
concentrated solution. Hereby, the concentration of the solute in the solution is at first
calculated using the Gibbs energy solvation at infinite dilution, ΔGsolv,inf. In a second step
the solvent composition is adjusted according to the calculated fractions from the previous
step. As a result, the subsequently calculated solvation terms incorporate binary surface
interactions energies between the solute and the solute, so-called solute-solute
interactions. These steps are repeated until the calculated mole fractions in solution
converge. This iterative procedure is implemented within the COSMOthermX program
(version C30_1301) for the calculation of the activity coefficient and thus ΔGE and has
been separately adapted for the computation of ΔGsolv.

2.7.4 Implementation of the sublimation and melt cycle
Within this section, a general implementation routine of the two thermodynamic cycles
is presented. As discussed within section 2.7.3, the solvent specific thermodynamic
quantities of the two cycles, The Gibbs energy of solvation ∆Gsolv as well as the excess
Gibbs energy of mixing ΔGE, are both calculated within the COSMO-RS framework.
However, in contrast to the melt cycle which relies on the experimental determination of
the melting temperature and enthalpy by e.g. DSC (see section 3.2.5) the sublimation
cycle is based on an exclusively theoretical approach. It combines periodic DFT and
calculated molecular and lattice vibrations (see section 2.7.2) in order to calculate ∆Gsubl
using exclusively first-principle methods. A flow chart of both thermodynamic cycles is
illustrated within Figure 2.16.
The sublimation cycle is accessible using two input quantities, the molecular structure
and the unit cell parameters of the crystal structure. Molecular structures are available
from the Simplified Molecular-Input Line-Entry System (SMILES)131 which are
2Drepresentations of the molecular structure. Unit cell dimensions of the crystal structure
and the atomic coordinates of the molecules within the unit cell are taken from
experimental Crystallographic Information Files (CIF) which originate from experiment.
The main steps from determining the solubility from these input parameters via the
sublimation cycle is marked in blue in Figure 2.16.
The ground state energy, Eisg, of the lowest energy molecular conformation is determined
within a conformational screening. Depending on the number of rotatable bonds this can
be laborious process. Together with the total energy of the optimized crystal unit cell, Eiss,
the lattice energy, Elatt, is calculated via eq. (42). To calculate the effect of temperature to
the ground state energies, solid-state heat capacities have to be calculated via the lattice
and molecular vibrational frequencies, alternatively, they can be determined by
experiment. For determining the ideal gas thermal energies, the molecular vibrational
frequencies can be used within the RRHO approximation (see Table 2.2). Several
methods have been used in this work to calculate the ground state energies and
thermodynamic functions which are presented in section 2.7.2. Summarized, the ideal gas
and crystalline solid thermal corrections within eq. (44) together with the lattice energy
give the sublimation free energy, ΔGsubl, via eq. (43).
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The melt cycle takes significantly less steps to access the Gibbs energy of melting, ΔGmelt.
It uses the melting properties, Tmelt and ΔHmelt, which can be determined by DSC, in case
enough crystalline sample substance is available which does not decompose before
melting. ΔGmelt (Tmelt) can be optionally corrected to solution temperature using eq. (33).
This requires the heat capacity differences between the solid and the melt to be
experimentally determined or approximated by an empiric model60, 83, 84.
For both thermodynamic cycles the COMSO-RS model is used to calculate the solvation
thermodynamics. Selected low energy molecular conformations are weighted according
to eq. (64). If available solvent molecular structures and surface charge distributions can
be taken from the COSMOtherm data base. The solvation free energy, ΔGsolv, and the
excess free energy of mixing, ΔGE, are first calculated at infinite dilution using the
COMSO-RS model. They are subsequently combined with the aforementioned ΔGsubl
and ΔGmelt, to calculate solution free energy, ΔGsol, via the sublimation and melt cycle via
eqs. (27) and (28), respectively. Consequently, the solubility can be calculated via eqs.
(10) or (13). Concentration dependency of the solvent specific terms, ∆Gsolv and ΔGE, can
be calculated by an iterative procedure as described in section 2.7.3.
The two thermodynamic cycles have been investigated in detail for two non-chiral model
substances as well as three representatives of chiral compound forming systems. All
results are presented and discussed in the following chapter 4 “Results and Discussion”.
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Figure 2.16: Illustration of the computational implementation of the melt as well as the
sublimation cycle for solubility calculation.
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Experimental Methods

This chapter provides detailed insight into the experimental methods that have been used
within this work. Field of application is the experimental investigation of the phase
transition thermochemistry of the three chiral molecules lactide, naproxen and
3chloromandelic acid. Furthermore, specifics on origin and purity of the materials which
have been used w the experiments are briefly given. If required, additional case specific
experimental details are given directly in the respective subsections of Chapter 4
(“Results and Discussion”).

3.1 Materials
Samples of (S)-lactide, (S,S)-3,6-Dimethyl-1,4-dioxan-2,5-dion, and (RS)-lactide, (S,SR,R)-3,6-Dimethyl-1,4-dioxan-2,5-dion, were obtained from Purac Biochem with a purity
of > 99.5 % and were used without further purification.
(S)-naproxen, (S)-(+)-2-(6-Methoxy-2-naphthyl)propionic acid, and (RS)-naproxen,
(RS)-(±)-2-(6-Methoxy-2-naphthyl)propionic acid, were purchased from TCI-Europe
with specified purities of 99 % and 98 %.
(RS)-3ClMA, (RS)-3-chloromandelic acid, has been purchased from Alfa Aesar (purity >
97 %). (R)-3ClMA, (R)-(-)-3-chloromandelic acid was purchased from Sigma Aldrich
(purity > 97 %) and further purified by recrystallization from water.
(R)- and (RS)-mandelic acid were purchased from Merck with a specified purity > 99 %
and used without further treatment.

3.2 Experimental details
3.2.1 Measurements of the solubility and the eutectic composition
Solubilities, xi, and the eutectic composition in solution, xeu, were measured by means of
a classical isothermal method. The experimental setup consisted of a tempered jacketed
vessel which was filled with water and a Pt-100 resistance thermometer with a resolution
of 0.01 K for ensuring stable equilibrium temperatures. A vial with a stirred (magnetic
stirrer) suspension of 5 to 10 ml was equilibrated within the jacketed vessel at a constant
temperature (±0.1 K) for 48 h up to 72 h. A minimum of two samples of 1-2 ml of solid
free solution were taken using a syringe and a filter (PET - membrane, pore size 45 μm)
for determination of the saturation concentration.
The solid phases in equilibrium with the solution were analysed by XRPD for structural
clarification (see section 3.2.3). When measuring the eutectic composition in solution,
XRPD was further used in order to examine if both the enantiopure and racemic crystals
were present in the precipitate.
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The extracted solution samples were dried at ambient condition and optionally for 3-5 h
in a vacuum oven. Solubilities were calculated from the weight of the solution and the
weight of the sample after drying via eq. (1) or by calibrated HPLC in cases where
solubilities were low. When measuring the eutectic composition, the enantiomeric ratio
of mixtures of the two enantiomers has been determined by HPLC method. Further details
are given in the subsequent section 3.2.2.

3.2.2 Characterization of liquid phases
High-performance liquid chromatography (HPLC) has been used to either quantify
absolute solution compositions in case of low solubilities or to determine the enantiomeric
ratio for investigating the enantiomeric purity and when measuring the eutectic
composition.
For the chiral discrimination of naproxen a Chiralpak AD-H column (Chiral
Technologies) was used in combination with mobile phase consisting of nHexane/IPA/TFA in a ratio of 80:20:0.1. The flow rate was 1 ml/min and the temperature
25°C. For naproxen HPLC has been used in order to determine enantiomeric ratios in the
frame of measuring the eutectic composition and further when measuring absolute
solubilities. Therefore, solution concentration was linearly correlated against the peak
area as shown within Figure 3.1.

Figure 3.1: Calibration of the concentration of (S)- and (R)-naproxen in solution using HPLC.

For lactide HPLC has been used in order to determine the enantiomeric purity or in the
frame of measuring the eutectic composition. The enantiomeric ratio has been determined
from the concentration dependence of the peak areas within the chromatograms. A
Chirobiotic T column (Daicel Corporation) has been used along with a mobile phase
containing a 80/20 vol% mixture of methanol and ethyl acetate as well as 1%
triethylammonium acetate as buffering agent for adjusting a pH-value of 4.02. The flow
rate was 0.5 ml·min-1 and the temperature 20 °C.
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3.2.3 Characterization of solid phases
Crystal forms have been analysed by X-ray powder diffraction (XRPD) in an X’Pert Pro
apparatus (PANanalytical GmbH, Germany) using CuK-α radiation and scanning
diffraction angles (2θ) from 3-40° with as step size of 0.017° and a duration of 50s.
Solid-state Raman analysis of the powdered crystals was performed with a commercial
MultiRAM spectrometer from Bruker, Germany. The system employs a laser beam at
1064 nm. If not further specified, the laser was operated at 500 mW and the analyses were
carried out at ambient temperature averaging over 32 scans with a spectral resolution of
1 cm-1 between 10 cm-1 and 3500 cm-1.

3.2.4 Solution enthalpy
The solution enthalpy measurements were carried out in a C80 calorimeter from Setaram
Instrumentation (France). The device consists of two measurement chambers which are
both surrounded by a Calvet-type sensor which has been calibrated calorically from the
manufacturer using the Joule-effect method. Two identical standard membrane mixing
cells have been used for the reaction and reference side. Both measurement cells consist
of two chambers which are separated by a 0.05 mm thick Teflon membrane. Weighted
crystalline solid was placed into the lower chamber of the reaction cell. The upper
chamber of both the reaction and reference cell was filled with the solvent in the same
amount. The sample and the solvent were weighted with a balance with an accuracy of
±0.01 mg.
After an initial equilibration period of around 2 h both Teflon membranes were pierced
through simultaneously and the solution was stirred by hand for around 3 min on both
sides. To ensure complete dissolution the cells were stirred a second time after another 5
min. If no thermal reaction was detected complete dissolution was assumed. Additionally,
the vessels were checked after the experiment for non-dissolved substance. The
differential heat-flux was recorded as a function of time and integrated to give the heat
change during mixing. The thermal effect of the stirring was determined to be smaller
than 0.1 kJ∙mol-1 and was neglected in the following. Figure 3.2 depicts a characteristic
thermal response for the dissolution of the enantiopure and racemic crystalline solid of
lactide in toluene. The caloric measurements are performed for final concentrations which
are significantly lower than saturation concentration but large enough to give an accurate
heat response. To obtain the solution enthalpy at infinite dilution, ΔHsol,inf, several
measurements at different concentrations are performed which are then linearly
extrapolated to infinite dilution (x = 0) using a linear least squares regression.
Concentrations were changed by varying the amount of dissolved solute while keeping
the amount of solvent constant in all measurements. The accuracy of the system was
tested with KCl (Merck, purity > 99.99%) in deionized water at 30°C. Measurements
were performed in triplicate and gave a solution enthalpy of 16.34±0.33 kJ∙mol-1 which
is in agreement with data from literature158 which is ΔHsol,inf (303.15 K) = 16.42 kJ∙mol1
. Furthermore, it has been shown before that solution enthalpies of organic crystals can
be measured within the C80 calorimeter with high accuracy.63
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Figure 3.2: Caloric measurement of the dissolution of 30mg of (L)-lactide (left) and (DL)-lactide
(right) in 2000 mg of toluene.

3.2.5 Melting properties
Thermodynamics of fusion were measured using a Setaram DSC 131. Temperature and
enthalpy calibration are regularly performed on this device using indium, tin, and lead
reference material. Samples with typical masses of ~10 mg (±10 μg) were weighed into
Al-pans (30 μl, purchased from Setaram), closed with a lid, and heated with a constant
heating rate of 0.5 to 2 K·min-1 while purging with highly pure helium (99.999 Vol. %)
at a constant flow rate of 35 mL min-1.
Melting temperatures have been determined from the extrapolated initial (onset)
temperature which is determined from the intersection of the tangent of the peak with the
extrapolated baseline using the accompanying software from Setaram. Melting enthalpies
have been determined from the integrated areas of the melting peaks using either a linear
integration routine or a sigmoid integration routine in case of a shift of the baseline before
and after melting. For measuring the binary melt phase diagram of mixtures of two
enantiomers the corresponding solidus temperatures were determined via the onset
temperature while the liquidus temperatures (see Figure 2.6) were determined from the
maximum peak temperature. More detailed information on the determination of the
binary melt phase diagram of chiral substances is given in ref. 159.

3.2.6 Sublimation thermodynamics
Sublimation vapor pressures were measured in the frame of a collaboration with Prof.
Sergey P. Verevkin and Vladimir N. Emel̀yanenko from the Physical Chemistry
department of the University of Rostock. Vapor pressures were measured using the
transpiration method, which was described before in literature.160, 161 About 0.5 g of solid
sample was dissolved in acetonitrile and mixed with small glass beads in a glass beaker.
The solvent was slowly evaporated while stirring producing uniformly covered glass
beads with crystalline solid. A well-defined nitrogen gas stream was passed through a
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thermostated (±0.1 K) U-shaped saturator filled with the glass beads and the sublimated
material was collected in a cold trap. The amount of condensed sample was determined
by weighing with microbalances of 0.1 mg resolution. The absolute vapor pressure pi of
substance i was calculated from the amount of the product collected within a definite
period of time per Volume V = VN2 + Vi at temperature T using ideal gas law (pi V= mi R
T). Uncertainties of absolute vapor pressures measured by the transpiration method were
estimated to in between 1% and 3% as described in detail in literature.161
Additionally, enthalpies of sublimation were measured in the same collaboration by TGA
with a Perkin Elmer Pyris 6 calorimeter. Before TGA measurement about 70 mg of a
sample was melted and cooled inside a platinum crucible and analysed by FT-IR to ensure
that the sample did not decompose. Isothermal TGA curves were measured just below
melting temperature at a nitrogen flow rate of 200 mL·min-1 using the same crucible with
the recrystallized sample. Measurements of the mass loss rate were performed in a few
consequent series of steps of increasing and decreasing temperature. The detailed
procedure was described elsewhere.162

3.2.7 Heat capacities
Low-temperature heat capacities of the crystalline solid were measured by means of direct
heat pulse calorimetry (DHPC) from 2 to 200 K. A commercially available relaxation
calorimeter has been used in cooperation with Prof. Cornelius Krellner and Natalija van
Well from the Institute of theoretical Physics at the Goethe-University in Frankfurt, the
Physical Property Measurement System (PPMS) from Quantum Design. The PPMS
provides a high-vacuum environment, around 10-8 bar. For the measurement the sample
powder is pressed to a pellet and placed on a 3 mm x 3 mm measurement platform.
Thermal grease (Apiezon® N) is used to enhance thermal coupling between the pellet
and the platform as described in literature.163 Figure 3.3 (left) shows the pressed pellet and
the measurement platform of the PPMS system. The platform has a weak thermal link
with known thermal resistance to a constant heat sink. Further technical details of the
system are given in detail elsewhere.164
The temperature response of a discrete heat pulse of heating and subsequent relaxation is
evaluated using an analytical curve-fitting procedure which includes two time constants,
τ1 and τ2.165 In the case of ideal thermal coupling τ2 becomes zero. In all cases however,
thermal coupling is slightly less than 100 % and both time constants are used in the fitting
procedure. An example response from a discrete heat pulse is depicted within Figure 3.3
(right). One experiment comprises an ‘addenda run’ where only the platform and the
thermal grease is measure and a second ‘sample run’ where the heat capacity of the whole
ensemble is observed. The net heat capacity of the sample is then given by the difference
between both measurements.
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Figure 3.3 (left) Pressed tablet of the crystalline sample on the measurement platform of the
PPMS. (right) Temperature response of the system from a discrete heat pulse consisting of heating
and subsequent relaxation.

Heat capacities above room temperature were measured using a DSC 111 calorimeter
from Setaram which operates with a Tian-Calvet sensor.166 Temperature calibration was
conducted using indium, tin and lead as reference material. Since the Calvet detector was
absolutely calibrated calorically by Joule effect, the heat capacity was not measured
against a reference material. The calorimetric resolution of the instrument is 0.4 μW, and
the detection limit 5–15 μW. Measurements were performed using the temperature step
method while purging with highly pure helium at a flow rate of 35 ml·min-1. Samples
with typical masses of 60 to 80 mg (±10 μg) were weighted into aluminium crucibles
(150 μl, purchased from Setaram) and closed with an aluminium lid. The heat capacity
measurements were performed at 10 K temperature steps, a heating rate of 5 K min-1 and
subsequent equilibration time of 600 s. One experiment comprises two consecutive runs
measuring the empty crucible (blank run) and subsequently the crucible containing the
sample (sample run). The net heat capacity of the sample is then calculated from the
difference between both measurements using the accompanying software from Setaram.
A typical measurement routine is depicted within Figure 3.4 showing the blank run, the
sample run, the temperature of the sample during the sample run and the resulting heat
capacities. Sapphire and benzoic acid were used as calibration standards. Average
deviations to published data were 1.4% for sapphire167 and 2.6% for benzoic acid168.
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Figure 3.4: Experimental routine of the high temperature heat capacity measurements using the
step-wise method. Exemplarily, measurement results for crystalline (RS)-mandelic acid are
shown.
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Results and Discussion

This chapter comprises all experimental and computational results. In each sub-section
results are first presented and discussed and subsequently summarized to draw
conclusions. Parts of the computational work has been compiled within a cooperation
with Prof. Sarah L. Price, Dr. Rebecca Hylton and Dr. Jan Gerit Brandenburg from the
Physical Chemistry Section at University College London. In the course of this project,
low-temperature heat capacities have been measured at the Institute of theoretical Physics
at the Goethe-University in Frankfurt in cooperation with Prof. Cornelius Krellner and
Dr. Natalija van Well. Furthermore, measurements of the sublimation thermodynamics
have been conducted at the Physical Chemistry department at University of Rostock in
cooperation with Prof. Sergey P. Verevkin and Dr. Vladimir N. Emel’yanenko. All results
that were published beforehand in the frame of this work can be found in refs.41, 44, 150, 169,
170
.
In section 4.1 and 4.2 the melt and the sublimation cycle are used for solubility prediction
of two well-studied model substances, naphthalene and benzoic acid. Subsequently, the
accuracy of state-of-the art electronic structure methods to calculate the dominant energy
contribution within the sublimation cycle, the lattice energy, is evaluated.
In section 4.3 the melting and sublimation phase transition is studied for chiral lactide,
naproxen and 3ClMA using experiment and theory. The numerous energy contributions
to Gibbs free energy of sublimation are calculated using ab-inito quantum chemistry
methods. Calculations are accompanied by broad experimental investigations of the
melting properties, the sublimation vapor pressures and sublimation enthalpies as well as
the solid-state heat capacities of the racemic compound and the enantiomer.
In section 4.4 and 4.6 the two thermodynamic approaches are used to calculate
solubilities and their temperature dependence for the three chiral molecules in a variety
of pure and mixed solvent systems. Furthermore, the energy differences between the
enantiomer and the racemic compound are used in section 4.5 to estimate the eutectic
composition in solution and its temperature dependence. All calculations are compared
to experimentally determined solubilities, the solution enthalpies as well as the specific
eutectic composition in solution.

4.1 Solubility prediction of non-chiral model substances
Within this section, the melt and the sublimation cycle (eqs. (27) and (28)) are evaluated
for their applicability to calculate solubilities of two well-studied reference substances,
namely naphthalene and benzoic acid, in a variety of organic solvents. Main focus is to
compare the accuracy of the two thermodynamic cycles and to evaluate relevance and
accessibility of the various energy contributions to the solution free energy.
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4.1.1 Experimental reference data
To be able to assess the sources of computational errors, experimental thermodynamic
reference quantities are required. For naphthalene as well as benzoic acid a wide range of
and reliable experimental data on solubilities, melting and sublimation as well on solid
state heat capacities is available in literature.
The Gibbs free energy of sublimation, ΔGsubl, has been calculated for naphthalene and
benzoic acid from published experimental sublimation vapor pressures from refs. 171, 172
via eq. (38). These are recommended averaged values of several independent studies and
both give particularly reliable ΔGsubl with an uncertainty of ± 0.1 kJ·mol-1 (see Table 4.1).
Experimental sublimation enthalpies have been studied extensively for both naphthalene
and benzoic acid resulting in approximately 50 published values for both molecules
between 1925 until today.173 However, the sublimation enthalpy is function of
temperature and the various literature data173 was determined at different temperatures or
even lacks in information about this essential detail. For this work the ten most recent
fully specified sublimation enthalpies from ref. 173 have been extrapolated to 298 K via
eq. (41) using experimental solid state heat capacities168, 174 and calculated ideal gas heat
capacities using a mixed “exp/theory” method as introduced in section 2.7.2. Further
details on the calculation of the ideal gas thermodynamics are given in the subsequent
section where they are used for correcting the calculated lattice energies from zero Kelvin
to 298 K (see Table 4.3). Obviously, the sublimation free energies are more reliable in
terms of the experimental error compared to the sublimation enthalpies making ΔGsubl an
especially reliable experimental reference quantity.

Table 4.1: Experimental melting and sublimation thermodynamic quantities. Averaged
sublimation enthalpies have been taken from ref.173. Sublimation free energies have been
determined from experimental sublimation vapor pressures from refs. 171, 172 via eq. (38).
ΔHsubl

TΔSsubla

ΔGsublb

Tmelt

ΔHmelt

ΔGmeltc

kJ·mol-1

kJ·mol-1

kJ·mol-1

K

kJ·mol-1

kJ·mol-1

naphthalene

73.0
(± 1.7)

50.4
(± 1.7)

22.6
(± 0.1)

354.0
(± 1.0)

19.0
(± 0.4)

3.0
(± 0.1)

benzoic acid

90.6
(± 2.9)

56.3
(± 2.9)

34.3
(± 0.1)

395.0
(± 0.7)

17.4
(± 1.2)

4.3
(± 0.1)

calculated via ΔGsubl = ΔHsubl - TΔSsubl where T = 298.15 K.
calculated according to eq. (38) via ΔGsubl = -RT ln (p/p0) where T = 298.15 K and p0 = 1 bar.
c
calculated according to eq. (30) via ΔGmelt = ΔHmelt (1- T/Tmelt) where T = 298.15 K.
a

b

Additionally, Table 4.1 contains the melting temperatures and enthalpies which are
required in order to calculate the Gibbs free energy of melting via eq. (30). Precise
experimental data from various sources is available in literature173. An average value of
the ten most recent fully specified values has been taken for this work.
Reliable experimental solubilities are available for both substances in a large variety of
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pure and mixed organic solvent systems from the IUPAC Solubility Data Series a series
of reviews containing published data for solubilities of gases, liquids and solids in liquids
or solids.175 Unfortunately, most experimental solubility data lack information on the
specific polymorphic form which is in equilibrium for a given solvent and temperature.
They have been assumed to belong to a single experimental structure which is introduced
later in Figure 4.2.
For a comprehensive examination of the accuracy of the COSMO-RS model to determine
the excess Gibbs free energy of mixing, ΔGE, and the solvation free energy, ΔGsolv, a set
of pure solvents with different polarity have been chosen. Mole fraction solubilities
according to eq. (1) have been taken for both substances from refs. 176, 177. In cases where
more than one data point is available, an averaged value was taken. Aqueous solubilities
have been taken from refs. 178, 179 as they are missing within the large solubility data series.
The experimental solubilities are summarized in Table 4.2, sorted by the polarity of the
specific solvent which is expressed by the dielectric constant. They cover a broad
spectrum ranging from xi = 1.6∙10-6 up to xi = 0.5.

Table 4.2: Mole fraction solubilities, xi, according to eq. (1) from literature of naphthalene176 and
benzoic acid177 in various organic solvents with different polarity - expressed by the dielectric
constant.
Name

Molecular
structure

Dielectric Mole fraction
constant180 solubility of
naphthalene

Mole fraction
solubility of
benzoic acid

Heptane

1.9

0.081

0.012

Cyclohexane

2.0

0.149

0.011

Benzene

2.3

0.297

0.073

1-octanol

10.3

0.126

0.199

2-propanol

18.3

0.045

0.194

1-butanol

17.8

0.066

0.202

1-propanol

20.1

0.0461

0.180

Propanone

21.0

0.226

0.196

Ethanol

24.6

0.034

0.183
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Methanol

32.6

0.023

0.163

Dimethylformide

47

0.281

0.491

Water

78.5

4.1∙10-6

1.6∙10-6

4.1.2 Lattice energies and thermal correction
Within this section the determination of the sublimation free energy from periodic DFT
in combination with the mixed “exp/theory” method is discussed. The resulting ΔGsubl are
subsequently used for predicting solubilities via the sublimation cycle. As lattice energies
are calculated by DFT for the static crystal lattice and the static ideal gas, zero-point
energy as well as thermal enthalpy and entropy corrections are required and will be
discussed first. Assuming that the vibrational lattice and molecular modes are decoupled
the zero-point energy difference between the crystal and the gas, ∆EZPE , can be derived
from the lattice frequencies as molecular vibrations cancel out. Experimental vibrational
lattice frequencies, νi, from literature147, 181 were used to calculate the zero-point energy
g
contribution by ∆EZPE =EZPE − EsZPE =- h⁄2 ∑ νi . The obtained ∆EZPE (see Table 4.3) is
in excellent agreement with published calculated values for naphthalene147 and benzoic
acid182.

Figure 4.1: Temperature-dependent solid state (experiment183 - ○; calculations via the
“exp/theory”-method - straight line) and calculated ideal gas (dashed line) (a) heat capacities CP
and (b) CP/T as well as the corresponding thermodynamic (c) enthalpy and (d) entropy functions
of naphthalene.
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Thermal enthalpies, entropies and Gibbs energies are related to the integrals of the heat
capacities in the specific state of matter. Integrals of CP from zero Kelvin give the
enthalpy while thermal entropies are related to integrals of CP/T. Within the mixed
“exp/theory” method the experimental solid state heat capacities from literature168, 183
were interpolated using while ideal gas heat capacities and thermodynamic functions have
been calculated via the RRHO (Table 2.2) as described in section 2.7.1 using the def2TZVP-BP86-D3 level of theory for calculating the harmonic vibrational frequencies. This
is exemplarily shown in Figure 4.1 for the crystalline solid and ideal gas of naphthalene
in the whole temperature range from 0 K to 298 K.
Integrals of the experimental solid state168, 174 and calculated ideal gas heat capacities
between zero Kelvin and 298 K were combined with the ∆EZPE to give the final thermal
enthalpy correction, Hcorr, and the sublimation entropy, TΔSsubl, via eq. (44) which are
summarized in Table 4.3 for both molecules. There are only minor differences of the
calculated Hcorr to the 4.9 kJ·mol-1 of the frequently used 2RT-approximation (see eq.
(55)). The calculated sublimation entropies via the mixed “exp/theory” method are in
good agreement with the primary experimental data from measured vapor pressures
(Table 4.1) with absolute deviations of 3.3 and 0.4 kJ·mol-1 for naphthalene and benzoic
acid, respectively. However, when used to calculate solubilities these relatively small
errors can affect the predictions accuracy due to the exponential relation within eq. (10).

Table 4.3: Summary of all zero-point, thermal enthalpy and entropy corrections which are
required to calculate the sublimation free energy, ΔGsubl, via eq. (44).
Naphthalene

Benzoic acid

1

∆EZPE

2.30a

2.75a

2

Hig ± stdev

20.67 ± 0.30b

21.41 ± 0.29b

3

∫ CP,exp dT

24.79c

24.03c

4

Hcorr

-6.42 ± 0.30d

-5.37 ± 0.29d

5

TSig ± stdev

102.91 ± 0.57b

106.09 ± 0.51b

6

∫ (CP,exp/T) dT

49.44c

49.34c

7

TΔSsubl

53.47 ± 0.27e

56.74 ± 0.23e

a Calculated from experimental lattice vibrational frequencies147, 181 via ∆EZPE = − h⁄2 ∑ νi . b Average of
BP86-, B3LYP- and MO6-def2-TZVP method together with the standard deviation.c Calculated from
integrals of the solid-state heat capacities168, 174. d Sum of 1, 2 and 3 according to eq. (44). e Sum of 5 and
6 according to eq. (44).

Lattice energies have been determined via eq. (42). Geometry optimizations of the ideal
gas molecules as well as of crystalline solid have been performed within the
TURBOMOLE software package (V7.1)139. Further details are given in section 2.7.2.
Calculations have been performed using three GGA type density functionals, B-P86134,
135
, BLYP135, 184 and PBE136 as well as the semi-empirical GGA-type B97-D185. They are
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combined with various Gaussian def2-type basis sets by Weigand and Ahlrichs133 and the
D3 dispersion correction by Grimme et al.137. A k-point sampling was performed from k
= 1 to k = 21 using uniform k-points in all three dimensions and no significant change for
k > 3 was observed in test runs for benzoic acid and naphthalene (see Table 7.22 in the
appendix). Hence, lattice energies have been calculated using a uniform k-points mesh of
k = 3x3x3 for all calculations.
Lattice energies have been calculated for the experimental crystal structures. They contain
the necessary information of the dimensions of the unit cell as well as starting atomic
coordinates for the periodic DFT calculations. Two representatives of crystal structures
of benzoic acid and naphthalene, NAPHTA04186 and BENZAC02187, have been used (see
Figure 4.2). Details on the unit cell dimensions are given in Appendix Table 7.16.

Figure 4.2: Crystal structures of (left) naphthalene – NAPHTA04186 and (right) benzoic acid –
BENZAC02187.

The molecular crystals differ in the type of molecular interactions that dominate. In case
of benzoic acid cyclic hydrogen-bonds between the carboxylic acid groups form strong
dimer structures.96 In contrary, naphthalene forms a layered structure which is dominated
by van der Waals interactions.188
Sublimation free energies can be determined via eq. (43) from calculated lattice energies
when combined with thermal and entropy corrections from Table 4.3. Figure 4.3 (a) and
(b) show the absolute deviations of the calculations from the experiment summarized in
Table 4.1. All calculations overestimate the sublimation Gibbs energies in comparison to
experiment. For both substances (NAPHTA04186 and BENZAC02187) there is a drastic
increase in accuracy when using the split valence triple-zeta (TZV) basis set (def2-TZVP)
over the smaller split valence double-zeta (SV) one (def2-SVP). An inclusion of a second
polarization term for all hydrogen atoms does not change the overall quality of the
calculation. This trend is consistent for all three functionals and slightly larger for benzoic
acid. It is related to the strong anisotropic electrostatic interactions of the hydrogen bonds
between the valence electrons of the carboxyl groups which are more likely to be affected
by basis set superposition errors (BSSE).189 This issue will be discussed in more detail
later on in section 4.2 for a larger set of molecular crystals.
For both molecules, the PBE and the semi-empirical B97-D functional perform best
whereas the BLYP functional leads to the largest deviation from experiment. In case of
the weakly bound naphthalene, the differences between the functionals are significantly
larger than for the hydrogen-bonded benzoic acid. Even though for naphthalene the PBE
functional performs best, the semi-empirical B97-D functional gives the best overall
performance whereas the BLYP functional leads to the largest deviations to experiment.
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For def2-TZVP/B97-D3 deviations are 2.9 kJ mol-1 for naphthalene and 1.6 kJ mol-1 for
benzoic acid. Based on the above, the B97-D method in combination with a def2-TZVP
basis set will be used in the following for solubility predictions.

Figure 4.3: Differences in the calculated sublimation Gibbs energies and experiment from Table
4.1 of (a) naphthalene (NAPHTA04) and (b) benzoic acid (BENZAC02). ΔGsubl,calc combines
calculated lattice energies with thermal corrections from Table 4.3. For Elatt BLYP (■), B-P86
(▲), PBE (◆) and B97 (○) were used in combination with the “D3” dispersion correction def2type basis sets with increasing size from left to right.

As the unit cell geometry is not optimized, the quality of the result is depending on the
experimental unit cell parameters. Lattice energies of two structurally related
experimental unit cell geometries for naphthalene (NAPHTA04186 and NAPHTA23190)
as well as benzoic acid (BENZAC01191 and BENZAC02187) give energy difference that
are smaller than 1.5 kJ mol-1. Further details are given in Appendix Figure 7.2. These
rather minor differences can be minimized when optimizing the unit cell parameters in
addition to the molecular geometries. A combined optimization of the unit cell and
molecular geometries, however, significantly increases computational times.

4.1.3 Solubility prediction
The experimental melting free energies, ΔGmelt, from Table 4.1 and calculated
sublimation free energies, ΔGsubl, from Figure 4.3 (“exp/theory” + def2-TZVP/B97-D)
were combined with the solvent specific excess Gibbs free energy of mixing, GE, and the
Gibbs free energy of solvation, ΔGsolv in order to calculate ΔGsol via eqs. (27) and (28),
respectively. The resulting ΔGsol from both thermodynamic cycles were used to calculate
mole fraction solubilities from Table 4.2 via eq. (10). ΔGE and ΔGsolv have been both
determined using the COSMO-RS121, 126 model in combination with the TZVPD-FINE
parameterization. For both cycles an iterative procedure was applied in order to calculate
ΔGE and ΔGsolv at saturation concentration (see Figure 2.16). Further information on the
calculation of the solvation terms with COSMO-RS are given within section 2.7.3.
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Results and discussion
Figure 4.4 (left) compares the experimental solubilities, ln xi, to calculations via the two
thermodynamic cycles. The melt cycle gives slightly better results for both substances
however seem to systematically overestimate the solubilities. It has an error of RMSE =
0.57 and 2.13 (in lnx – units) for naphthalene and benzoic acid, respectively. In
comparison, the sublimation cycle has an overall error of RMSE = 1.78 and 2.84 (in lnx
– units) for naphthalene and benzoic acid, respectively. The sublimation cycle
systematically underestimates the solubilities which is in parts due to the overestimation
of the sublimation Gibbs energies (see Figure 4.3). Calculations errors affect the final
mole fraction solubilities xi significantly more if solubilities are large due to the
exponential relation between the free energy of solution and xi (see Figure 4.4, right).

Figure 4.4: Calculated mole fraction solubilities, (left) ln(xi) and (right) xi, via the two
thermodynamic cycles (Figure 2.10) for naphthalene (blue symbols) and benzoic acid (orange
symbols) in a variety of organic solvents with varying polarity (see Table 4.2). The melt cycle
(▲) is compared to the sublimation cycle (○). The coloured horizontal lines corresponds to the
SVL equation (eq. (34)) representing the solvent-independent “ideal” solubility.

In order to evaluate error sources, “experimental” solvation quantities, ΔGsolv,exp and
ΔGEexp, have been recalculated from the experimental solubilities in Table 4.2 and the
experimental melting and solvation Gibbs energies from Table 4.1 via the two
thermodynamic cycles (eqs. (27) and (28)). They are compared to the calculated solvation
terms within Figure 4.5. For most of the cases ΔGsolv is larger compared to ΔGE due to the
cavitation energy, ΔGcav, the energy needed to form space in the solvent for the dissolved
molecule (see Figure 2.15). Both ΔGsolv and ΔGE are accurately modelled by the COMSORS model for naphthalene while errors for benzoic acid are larger and systematically
underestimate the solvation free energies. The benzoic acid results are significantly worse
than the suggested 2.1 kJ mol-1 accuracy of COSMO-RS in combination with the TZVPDFINE parameterization.127 Especially for the unipolar solvents deviations between
calculations and experiment are large by to 10 kJ mol-1. Benzoic acid dissociates in water
which is not explicitly included in the model resulting in a large computational error when
calculating the solubility in water. It can be summarized that errors within the sublimation
cycle for naphthalene are mainly related to the calculation of ΔGsubl while for benzoic
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acid the solvation terms are responsible for most of the deviations in Figure 4.4.

Figure 4.5: Calculated COSMO-RS solvation free energies, ΔGsolv, and the excess free energies
of mixing, GE, for the sublimation and melt cycle, respectively: (left) naphthalene; (right) benzoic
acid. Light grey bars are the free energies at infinite dilution and the black bars energy
contributions due to solute-solute interactions. The final free energies at saturation concentration
(black ●) are compared to the experimental values (red ●) which are obtained from recalculating
ΔGsolv,exp via experimental ΔGsol,exp (Table 4.2) and ΔGsubl,exp (Table 4.1).

Both solvation quantities are comprised by concentration-independent terms, ΔGsolv,inf
and ΔGEinf, as well as energy contributions that incorporate solute-solute interactions (see
Figure 4.5). ΔGsolv,inf and ΔGEinf are significantly larger than the concentration-dependent
counterparts for both substances. As suspected, the latter are larger for systems with high
solubilities, such as propanone and DMF. As a consequence, the concentration-dependent
terms are larger for the melt cycle which overestimates most of the solubilities (see Figure
4.4). For naphthalene, concentration-dependent terms are mostly smaller than 0.6 kJ·mol1
even in cases where solubilities are large but for benzoic acid they can be significantly
larger and vary between -3 and 4 kJ·mol-1. The hydrogen bonding capability of the
benzoic acid carboxylic acid group is responsible for the strong association energies at
high solubilities. The overall accuracy for calculating the solvation Gibbs energy is only
slightly improved if concentration-dependent terms are included. Within the melt cycle
concentration effects are larger due to the larger solubilities but only improve the overall
calculations for benzoic acid while for naphthalene slightly less accurate ΔGE are
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calculated. Hence statistically, the modelling of concentration-dependent solvation terms
does not significantly improve the overall calculations accuracy.
Figure 4.6 compares all major absolute energy contributions to ΔGsol when calculated via
the sublimation cycle. The solvation free energy is solvent-depending and varies, for the
solvents from Table 4.2, between 8 and 17 kJ·mol-1 for naphthalene and between 19 and
32 kJ·mol-1 for benzoic acid. For both substances the lattice energy is the dominant energy
contribution while the entropy correction is the second largest term. Hence, thermal
enthalpy and entropy corrections and solvation make up around 40 to 50 percent of the
total absolute energies. In summary, an accurate determination of the sublimation free
energy is especially relevant for predicting solubilities via the sublimation cycle. Within
the following section the accuracy of state-of-the-art methods to calculate the major
energy contribution to ΔGsubl, the lattice energy, is discussed for a benchmark set of
molecular crystals.85

Figure 4.6: Absolute energy contributions to the free energy of solution within the sublimation
cycle. For ΔGsolv an energy range is given which corresponds to the solvation in various solvents
(Table 4.2).

4.1.4 Conclusions
Calculations of lattice energies consequently of sublimation Gibbs energies are more
accurate using the larger def2-TZVP basis set due to effects of basis set superposition
errors (BSSE) when using def2-SVP (see Figure 4.3). The sublimation cycle has an
overall accuracy of RMSE = 1.8 to 2.8 (ln x-units) when used for solubility prediction of
naphthalene and benzoic acid, respectively (see Figure 4.4 a). This is only slightly worse
in comparison to the melt cycle results. The modelling of concentration-dependent
solvation terms does not significantly improve the overall calculations accuracy.
However, the absolute mole fraction solubilities, xi, from both cycles are not accurate
enough to be used for crystallization process design due to the summation of errors and
the exponential relation between ΔGsol and xi (see Figure 4.4 b). Errors in the naphthalene
calculations are mainly related to the calculation of ΔGsubl while for benzoic acid the
solvation terms are responsible for most of the computational errors (see Figure 4.5). The
main energy contribution within the sublimation cycle is the lattice energy but thermal
corrections as well as solvation make up around 40 to 50 percent of the total energies (see
Figure 4.6). Hence, combining periodic DFT and the COSMO-RS model within the
sublimation cycle provides a consistent framework for calculating mole fraction
solubilities. Moreover, its accuracy is comparable to the melt cycle which requires
substance specific experimental melting parameters.
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4.2 Lattice energies of organic molecular crystals
The lattice energy has been identified as being the dominant energy contribution to the
solution free energy of naphthalene and benzoic acid (see Figure 4.6). Within this section,
the accuracy of state-of-the-art methods to calculate lattice energies of organic molecular
crystals is evaluated and compared to own calculations using a consistent framework to
model the separated ideal gas molecules and periodic crystal.

Figure 4.7: Molecular structures of the molecules within the X23 benchmark set for non-covalent
interactions in solids suggested by Otero-de-la-Roza et. al.85 and extended Reilly et. al.97. The
molecular structures are classified by the dominant intermolecular interactions within the crystal.

A set of well-studied molecular crystals is used in order to generate a reliable framework
for evaluating the accuracy of computations. The set of molecules is bases on the “C21”
benchmark set by Otero-de-la-Roza et. al.85 which has been suggested for studying noncovalent interactions in solids of 21 crystal structures, including one polymorphic system
(α- and β-oxalic acid). The C21 set was extended to include hexamine (HXMTAM09192)
and succinic acid (SUCACB02193) by Reilly et. al.97 and subsequently named “X23”. The
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X23 benchmark set consists of rather small and rigid molecules which are depicted in
Figure 4.7. The various molecules are classified into systems that are dominated by
hydrogen bonding or van der Waals interactions in the solid state.

4.2.1 Lattice energy calculations
Lattice energies of the full X23 benchmark set have been calculated and compared to
recalculated “experimental” values that have been extracted from experimental
sublimation enthalpies. “Experimental” lattice energies, Elatt,exp, can be extracted from
measured sublimation enthalpies via eq. (44) using calculated thermal and zero-point
energies. For parts of the molecular crystals from the X23 set, which are solid at room
temperature, the suggested thermal corrections from literature85, 97, 194 can be compared to
the frequently used molecule independent 2RT-approxmation (eq. (55)) which reveals
significant differences with an overall RMSE of 2.5 kJ mol-1 (see Figure 4.8).

Figure 4.8: Calculated thermal contributions ΔHcorr to the sublimation energy at 298 K for selected
crystals of the X23 benchmark set that are solid at 298 K. Corrections in the harmonic
approximation from different electronic structure methods are given: PBE-XDM (open triangles
85
), PBE-TS (filled squares 97), and DFTB3-D3 (filled circles 194) and compared to the 2RTapproximation (horizontal line). For six systems more demanding calculations which include
anharmonic contributions have been performed (filled stars 97).

Based on the above, the average of the suggested thermal corrections from the three
studies85, 97, 194 have been used to extract Elatt,exp from the experimental sublimation
enthalpies while the standard deviation between the three ΔHcorr values gives the
uncertainty of Elatt,exp. The final values and their corresponding uncertainty are
summarized in Appendix Table 7.23.
For the computation of lattice energies, Elatt, periodic DFT calculations have been
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performed using the riper140, 141 module in TURBOMOLE software package (V7.1)139 as
described in section 2.7.2. For all calculations, the def2-type basis sets by Weigand and
Ahlrichs 133 have been used in varying size in combination with the PBE136 density
functional and the “D3”137 dispersion correction. If possible, all calculations were
performed with m3 grid size, which has been increased to m5 in case of convergence
issues. As space group symmetry options cannot be exploited within the riper framework,
computational effort is directly related to the size of the molecules, as well as the total
number of molecules, Z, within the unit cell. The number of molecules within the crystal
structures vary in between 2 ≤ Z ≤ 8 which significantly scales the computational time of
the periodic calculations in comparison to that of the single gas phase molecules. Lattice
energies have been calculated via eq. (42) from the ground state energies of the 22
molecular structures in the gas phase and energies of the 23 distinct crystal structures. For
succinic acid, the lowest energy conformation has been used for lattice energy
calculations as suggested in literature.97 The experimental unit cell parameters are
summarized in Table 7.18 in the appendix and remain unchanged during the calculations
while molecular coordinates within the unit cell are optimized. This work’s calculation
results are summarized in Figure 4.9 and compared to Elatt,exp. For anthracene, the standard
TZP basis set was used to avoid convergence difficulties with the too diffuse triple-zeta
valence basis sets.
A major influencing variable on the quality of the computed lattice energies is the choice
of the dispersion model. In Figure 4.9 (top), calculations from ref. 85 using the uncorrected
PBE functional are compared to this works def2-TZVP / PBE-D3 results. Obviously, the
uncorrected PBE functional underestimates the binding energies drastically. They are
smaller for crystals which are dominated by H-bonding interactions and especially large
for crystals that are dominated by van der Waals interactions.
Figure 4.9 (bottom) compares the absolute deviations to the “experimental” lattice
energies of this works PBE-D3 results. There is a clear increase in accuracy when using
the larger basis set in comparison to the def2-SVP results. This is consistent with the
previously discussed calculations of benzoic acid and naphthalene (see Figure 4.3) where
the most significant difference in accuracy for modelling the crystal binding energies was
between the def2-SVP and def2-TZVP results. Furthermore, there is a clear tendency of
the lower size def2-SVP basis set to overestimate binding energies of the predominantly
hydrogen bonded crystals while differences are smaller if van der Waals interactions
prevail (see Figure 4.9, bottom). The strong dependence on the size of the basis set to
accurately model hydrogen bonding interactions is consistent with previous findings.156,
195
These accuracy issues of the small basis set have been assigned to superposition errors
when using small basis sets (BSSE) which are more severe for crystals that are dominated
by hydrogen bonding interactions.189
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Figure 4.9: Calculated lattice energies for molecules from the X23 benchmark. PBE-D3 results
are compared with experimental values and (top) results from uncorrected PBE calculations
according to literature87, and (bottom) an average computational value from various methods in
literature85, 97, 194, 196. The light grey area indicates the standard deviation of the literature values
(see Table 7.24). The dark grey area indicates the uncertainty in calculating Elatt,exp from
experimental sublimation enthalpies via eq. (43).

Figure 4.9 (bottom) further compares this works results to the “average computation”
value which has been determined from several dispersion corrected electronic structure
methods to calculate lattice energies from literature85, 97, 194, 196. The light grey area
indicates the standard deviation between the 12 different methods. Primary data for the
average computational value is given in Table 7.24 in the appendix. This work’s def2TZVP method gives binding energies that are comparable to the literature results (def2TZVP / PBE-D3: RMSE = 10.6 kJ·mol-1; Average literature: RMSE = 8.6 kJ·mol-1) and
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mostly within the standard deviation of those methods (grey shaded area). Deviations of
this work’s def2-TZVP method can, on one hand, be evoked by the combination of the
PBE functional and the D3 dispersion correction. On the other hand, the non-complete
basis set def2-TZVP can be responsible for parts of the deviations to experiment. Errors
caused by missing geometry optimizations of the unit cell are suspected to contribute only
minor to the absolute error as shown before for naphthalene and benzoic acid (see section
4.1.2). Hence, further calculations with a def2-QZVP basis set could improve the overall
accuracy.
The various electronic structure methods tend to overestimate the binding energies.
Especially for crystals that are predominantly dominated either by hydrogen bonding or
van der Waals interactions, deviations to experiment are large and calculated binding
energies are too large. To amplify this common calculation scheme, the result of the
EPBE0+MBD36 method from literature, which gives the best overall representation of
Elatt,exp is shown Figure 4.9 (top).
Even though the EPBE0+MBD method has an overall accuracy of RMSE = 5.8 kJ mol-1,
it produces a similar substance-dependent trend compared to the other computational
methods. In order to be able to work out sources of the computational errors we compared
the computational errors of the various methods for each substance to the density of the
related crystal. Figure 4.10 plots the calculations error over the density for each of the 23
substances of the benchmark set which ranges from 0.8 g·cm-1 to 2.0 g·cm-1. The density
has been calculated from published97 volumes of the unit cell, V, the molar Mass of the
molecule, M, the number of molecules in the unit cell, Z, and the Avogadro number via
ρcryst = Z x M / (V x NA). Computational errors in Figure 4.10 appear to be not directly
correlated to the density of the crystal for any of the computational method shown. Even
though density is a characteristic value of one specific crystal packing, crystals with
different crystal structures can have the same density.

Figure 4.10: Dependence of the absolute computational errors of the lattice energy calculations
of the X23 benchmark set in comparison to the density of the molecular crystals. This works def2TZVP / PBE-D3 results are compared to the average literature values85, 97 and results of the
method with the lowest RMSE to experiment (EPBE0+MBD97).
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Thus, the conclusion that computational errors are less dependent on the density of
crystals then on the types of interactions within, is not directly transferrable to the crystal
structure in general.
Based on the above considerations, it can be suspected that the dominant parts of the
errors when calculating the absolute binding energies are more likely to be connected to
the specific molecular structure and the types of binding energies (H-binding and van der
Waals interactions) that are present in the crystal (see Figure 4.9) rather than to the density
of the crystal. This could be of advantage for calculations of energy differences between
polymorphs or different types of chiral crystals – for example an enantiopure crystal and
a racemic compound. Absolute errors that are connected to molecular specific binding
energies potentially cancel out when aiming for energy differences as both chiral crystals
contain the same molecules. This is studied in section 4.3 for three chiral model
substances.

4.2.2 Benchmark set for calculation of sublimation Gibbs energies
Besides lattice energies, thermal and zero-point energy contributions are needed for
modelling sublimation free energies. Thermal corrections are related to the integrals of
the solid state and ideal gas heat capacities from zero Kelvin to reference temperature via
eqs. (43) and (44). The previously introduced X23 benchmark set of molecular crystals
has been designed in order to test the accuracy of electronic structure methods for
calculating the total non-covalent binding energies to determine Elatt (see Figure 4.9).
Less frequently, thermal enthalpy corrections, ΔHcorr, to the lattice energy have been
studied (see Figure 4.8). Information on the sublimation entropies which are required for
determining ΔGsubl are missing. In order to extend the X23 benchmark set for evaluating
all energy contributions to ΔGsubl it is useful to exclude those substances that are liquid
(acetic acid benzene and formamide) or gaseous (ammonia and CO2) at environmental
conditions and are thus irrelevant for modelling phase equilibria such as SLE at 298 K.
Hence, experimental data was gathered for the remaining 18 molecular crystals.
Sublimation enthalpies were taken from the original publications85, 97 of the X23
benchmark set and have been used without further adjustments of the X23 benchmark set
and were used without further adjustments with the exception of cytosine which was
taken from ref. 197. Sublimation free energies haven been calculated via eq. (38) from
published sublimation vapor pressures from various literature sources. They are
summarized together with ΔHsubl and TΔSsubl in Table 4.4. TΔSsubl was calculated from
the sublimation enthalpies and free energies via eq. (39). Wherever possible experimental
uncertainties are given. Those are generally smaller for ΔGsubl in comparison to ΔHsubl as
the free energies are related by logarithm to the experimental vapor pressures.
Sublimation free energy values within the reduced set of molecular crystals span from 13
kJ·mol-1 (triazine and 1,3,5-trioxane) up to 90 kJ·mol-1 (cytosine).
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Table 4.4: Experimental sublimation enthalpies, entropies and free energies at 298 K of selected
molecular crystals from the X23-benchmark set that are solid at environmental conditions.
Substance
Anthracene
Naphthalene
Adamantane
Hexamine
Pyrazine
Pyrazole
1,4-cyclohexanedione
Triazine
1,3,5-trioxane
Cytosine
Imidazole
Uracil
Cyanamide
Ethylcarbamate
Oxalic acid (a)
Oxalic acid (b)
Succinic Acid
Urea
a.
b.

85, 97

ΔHsubla

TΔSsublb

ΔGsubl

kJ mol-1
101.9
71.3
58.4
75.8
56.3
72.4
81.1
55.7
56.3
156.4197
81.4
129.2
75.5
78.7
93.7
93.6
123.1
93.8

kJ mol-1
55.8
48.7
37.0
40.5
45.9
51.6
52.9
42.5
42.7
65.7
49.7
58.8
46.9
53.7
55.1
55.6
70.3
48.4

kJ mol-1
46.1 ± 0.5
22.6 ± 0.1
21.4
35.3
10.4
20.8
28.2
13.2
13.6
90.7
31.7
70.4 ± 0.2
28.6
25.0 ± 0.5
38.6 ± 0.6
38.0
52.8 ± 1.3
45.4 ± 0.2

Taken from refs.
except for cytosine which was taken from ref.
Calculated via ΔGsubl = ΔHsubl - TΔSsubl.

reference
198
198
199
200
201
202
200
200
200
197
202
203
200
204
205-207
207
200, 205, 208
206, 209

197

.

As discussed before, the sublimation enthalpy consists of the lattice energy as well as
thermal corrections. Figure 4.11 compares all energy contributions when calculating
ΔGsubl via eq. (43). The “experimental” lattice energies, Elatt,exp, have been used as
discussed before, which are based on recalculations from the sublimation enthalpies using
the average of the suggested thermal corrections, ΔHcorr, from the three studies86, 98, 196
(primary data in Appendix Table 7.23). For all substances the lattice energy is the
dominant energy contribution to the Gibbs free energy of sublimation. However, the heat
capacity related thermal enthalpy corrections and especially the sublimation entropy are
responsible for a relevant part accounting for 39±4 % of the sum of all energy
contributions. Ab-initio quantum chemistry methods have been shown to be capable to
determine the sublimation entropy, TΔSsubl, with accuracies of around 9 kJ·mol-1 resulting
in an overall accuracy for calculating ΔGsubl of around 17 kJ·mol-1.210 Thus, precise
methods for determining the thermal corrections are a key requirement for the
applicability of the sublimation cycle for solubility prediction. As a consequence, two
distinct methods are used in the next section to calculate the thermochemistry of chiral
molecules. The two methods differ particularly in the way thermal corrections are
modelled.
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Figure 4.11: Energy contributions to the ΔGsubl for selected molecules from the X23-benchmark
set that are solid at 298 K.

4.2.3 Conclusions
This work’s def2-TZVP / PBE-D3 method has an overall accuracy of around 10 kJ·mol1
but there are some methods in literature that are close to the chemical accuracy limit of
4.2 kJ·mol-1 (see Figure 4.9). Even though, the def2-TZVP is superior to the def2-SVP
basis set parts of the remaining errors of this work’s calculations are likely to be caused
by the non-complete triple-zeta basis set. Influenced by the missing optimizations of the
unit cell were comparatively small. The accuracy of state-of-the art electronic structure
methods for determining the lattice energy was shown to be strongly dependent on the
types of prevalent intermolecular interactions within the crystal. There were no obvious
correlations between the calculations error and the density of the crystal (see Figure 4.10).
As a consequence, errors are related to the type of intermolecular interaction (H-bonding
and van der Waals interactions) that is dominating in the crystal rather than to the density
of packing and the specific crystal structure. Molecule specific errors potentially cancel
out when aiming for energy differences, e.g. between an enantiomer and the racemic
compound. This is studied for three representatives of chiral substances in the following
section 4.3.
Finally, a modified set of molecular crystals was suggested which can be used in order to
test computational methods to calculate ΔGsubl rather than merely Elatt or ΔHsubl (see Table
4.4). Thermal corrections are shown to contribute by around 40 percent to the absolute
energy contributions to ΔGsubl. As a consequence, two distinct methods are used in the
next section to calculate the thermochemistry of chiral molecules which differ particularly
in the way thermal corrections are modelled.
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4.3 Phase transition thermodynamics of chiral molecules
Within this section the melting and sublimation thermochemistry of a diverse set of chiral
compound-forming systems are evaluated by means of experimental and computational
methods. The molecular structures of the three molecules are depicted in Figure 4.12.
They incorporate an almost rigid molecule, lactide, a molecule with intermediate
flexibility, naproxen, and the fully conformational flexible 3-chloromandelic acid
(3ClMA).
Ф3
Ф1

Ф 2 Ф3

Ф1Ф2 Ф4

Figure 4.12: Molecular structures of the three representative chiral molecules: (a) 3,6-dimethyl1,4-dioxane-2,5-dione (lactide C6H8O4), (b) naproxen C14H14O3, (c) 3-chloromandelic acid
(3ClMA, C8H7O3Cl). Relevant flexible torsion angles are marked.

The lactides are internal cyclic esters of lactic acid, and the racemic compound is used in
the preparation of polylactide, a biologically decomposable polymer which is used,
among others, for medical applications211. Naproxen is marketed in the enantiopure form
as a non-steroidal anti-inflammatory drug as only (S)-naproxen has the desired effects. 14,
15
3-chloromandelic acid (3ClMA) is used as an intermediate for pharmaceutical products
and a resolving agent and has complex polymorphic crystallization behaviour.212, 213
Experimental sublimation and melting thermodynamics41 as well as studies on the
polymorphic behaviour of naproxen214, 215 have been reported before. Solubility data and
a shift of the eutectic composition with temperature in certain solvent systems have been
reported for lactide and 3-chloromandelic acid.212, 213, 216
The three molecules represent prototypes of frequently occurring organic crystalline
racemic compound-forming systems. In the following, the phase transition
thermochemistry which is relevant for calculating solubilities via the melt and the
sublimation cycle is investigated for the enantiomer as well as the racemic compounds.
This includes experimental investigations of the melting thermodynamics as well as
combined experimental and computational studies of the sublimation thermodynamics
the three chiral systems. Furthermore, a detailed experimental as well as computational
investigation of the solid-state heat capacities have been conducted which is relevant for
adjusting the measured and calculated thermodynamic phase transition quantities to one
common reference temperature.

4.3.1 Structural clarification
This section provides information on the crystalline solid form of the three pairs of chiral
crystals of lactide, naproxen and 3ClMA. Information on the origin and purity of the
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crystalline substance that have been used throughout this work is given in section 3.1
“Materials”.
Structures of (S)- and (RS)-lactide relate to the published NAHNOZ217 (Z=3, Z=12,
P212121) and BICVIS218 (Z=1, Z=4 P21/c) crystal structures. The (S)- and (RS)naproxen crystal forms which have been investigated after recrystallization of the
purchased substance are identical with the computed patterns of the COYRUD219 (Z=1,
Z=2, P21) and PAPTUX215 (Z=1, Z=8, Pbca), respectively.
For 3-chloromandelic acid (3ClMA) five polymorphic forms of each the enantiopure and
racemic crystals have been found by experiment.212 The commercial substance of (RS)3ClMA contained a mixture of two polymorphic forms, form 2220 and form 3212. The
metastable form could be completely transformed into the stable form 3 (FIZPEL03,
Z’=1, Z=4, P21/c) by recrystallization in water and subsequent equilibration of the stirred
suspension for more than 24h. Recrystallized (R)-3ClMA was confirmed by PXRD to
correspond to 3ClMA (S)-form 1212 (TUYBIA, Z=2, Z=4, P21, with a 2:1 disorder in the
phenyl ring orientation). To model this disordered crystal, the two disorder components
can be modelled separately and the results combined in a 2:1 ratio.
The experimental crystal structures of the enantiomer and racemic compound of lactide,
naproxen and 3ClMA are depicted within Figure 4.13. They significantly differentiate,
regarding the size of the unit cell which comprise two up to 12 molecules, as well as the
types of molecular interactions within. The lactide crystals are dominated by isotropic
and rather weak vdW-interactions whereas the two 3ClMA crystals form strong hydrogen
bonding motifs.212 Naproxen structures, on one hand, exhibit weak vdW-type C-H·π
interactions between the naphthalene rings and, on the other hand, strong hydrogen
bonding interactions between the carboxylic acid groups.215

Figure 4.13: Experimental crystal structures of the enantiomer and racemic compound of lactide,
naproxen and 3ClMA.
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The XRPD-patterns of the three pairs of enantiopure and racemic crystalline substances
are summarized in Figure 4.14. They have been measured by XRPD as described in
section 3.2.3. Comparing the experimental and theoretical XRD-patterns which have been
calculated via Mercury CSD 2.4 (Build RC5) confirms the aforementioned crystal
structures as single polymorphs. XRPD measurements have been performed at room
temperature while calculations refer to structures at much lower temperatures. This
explains slight shifts in some cases.

Figure 4.14: Experimental and computed XRPD-patterns of the crystal forms of (S)- and (RS)lactide (NAHNOZ217 and BICVIS218), (S)- and (RS)-naproxen crystal forms (COYRUD219 and
PAPTUX215) and (S)- and (RS)-3ClMA (TUYBIA and FIZPEL03)212.
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4.3.2 Melting thermodynamics
The melting thermodynamics of the three chiral molecules are investigated for structural
clarification of binary mixtures of the two chiral species as well as in order to precisely
determine melting temperatures and melting enthalpies. The latter are used later on within
the melt cycle for calculating solubilities. Detailed information on the experimental
procedures for measuring melting thermodynamics, as well as, the binary melt phase
diagram, is given in section 3.2.5.

Pure compound melting properties
Melting temperatures and enthalpies of the pure enantiomer and racemic compound of
lactide, naproxen and 3ClMA are summarized in Table 4.5. They are used in the following
for calculating ideal solubilities via ΔGmelt and the ideal binary melt phase diagram via
the SVL and PD equation, eqs. (34) and (35) respectively.

Table 4.5: Experimental melting temperatures and enthalpies. The Gibbs free energies of melting
are calculated from ∆Gmelt = ∆Hmelt – T∙∆Hmelt / Tmelt, with T = 298.15 K.
Compounds

source

unit
(RS)-lactide

this work
221

(S)-lactide

this work
221

Δ(RS-S)

this work
221

eutectic mixture

this work

(RS)-naproxen

this work41
41

(S)-naproxen
Δ(RS-S)

this work
this work41

eutectic mixture

this work

(RS)-3ClMA

222
223

(R)-3ClMA

222
223

Δ(RS-R)

222
223

eutectic mixture

222

Tmelt

ΔHmelt

ΔGmelt

-

Tmelt

298 K

K

kJ mol-1

kJ mol-1

397.6 ± 0.4
397.1
369.2 ± 1.0
366.6
28.4 ± 1.1
30.5
363.3 ± 1.8
(xeu = 83.5 %)

25.3 ± 1.8
24.7
14.2 ± 1.0
16.9
11.1 ± 2.1
7.8

6.3
6.2
2.7
3.2
3.6
3.0

429.0

32.8 ± 0.2

10.0

429.2
-0.2
419.6 ± 0.5
(xeu = 87.5 %)
391.1
395.4
376.4
383.8
13.7
11.6
368.3
(xeu = 84 %)

31.6 ± 0.1
1.2 ± 0.3

9.6
0.4

12.8 ± 0.2

28.7 ± 0.2
27.9
28.0
22.6
26.2
5.3
1,8
18.6

6.6
6.9
4.7
6.4
1.9
0.5

Results and Discussion

75

For lactide and 3ClMA the racemic compound melts at a higher temperature than the
enantiomer. For naproxen both melting temperatures are identical. Additionally, as well
the melting enthalpy and consequently the Gibbs free energy of melting are larger for the
racemic form which makes is more stable and results, in the ideal case, in a lower
solubility for the racemic compound. For lactide, this work’s measurements are in good
agreement with literature221. For naproxen the averaged values from ref. 41 indicate a good
reliability of the melting thermodynamic quantities. For 3ClMA however, disagreements
between two literature sources222, 223 result in a difference in ΔGmelt of 1.8 kJ mol-1 which
would result in large deviations when used for calculating ideal solubilities. As a
consequence, a careful experimental evaluation of the melting thermodynamic quantities
is important as errors can lead to significant deviations of the predicted solubilities.
Possible sources of errors are impurities of other substances or polymorphs of the same
substance as well as decomposition or sublimation and/or vaporization during melting.
The melting temperatures of the three chiral substances are in the medium to lower range
of common drug-like substances as shown in Figure 4.15. Most drug-like compounds22
have a melting point of around 80°C to 200°C but can spread between 30°C and 300°C.
This is relevant to know as melting enthalpies and entropies are temperature-dependent
quantities as thermal corrections to ΔHmelt and TΔSmelt are related to the integral of the
heat capacity difference between solution temperatures and melting. The thermal
correction terms are scaled by the temperature difference to the melting temperature.
Effects of the melting temperature to the Gibbs free energy of melting at 298 K according
to eq. (33) if a temperature-independent heat capacity difference of ∆Cp = 84 ± 57
J·mol-1K-1 is assumed, as suggested in literature83, is shown in Figure 4.15. For melting
temperatures of larger than 150 °C the resulting thermal corrections, ΔGcorr, are larger
than 2 kJ·mol-1 and, thus, are relevant when utilizing the melt cycle for solubility
prediction.

Figure 4.15: Distribution of melting temperatures of the 276 organic drug-like compounds plotted
in a 10 K resolution as suggested by Bergström et. al.224. The range of the melting temperatures
of lactide (blue), naproxen (green) and 3ClMA (red) is indicated. The solid line corresponds to
the free energy corrections to the Gibbs free energy of melting at 298 K via eq. (33) assuming the
temperature independent heat capacity difference of ∆Cp = 84 ± 57 J·mol-1K-1 (solid line) from
ref. 83. The dashed lines show the influence ε∆Cp = ± (57/2) J·mol-1K-1 on ∆Gcorr.
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Binary melt phase diagrams of lactide, naproxen and 3ClMA
Determinations of the melting temperatures of the pure enantiomer and racemic
compound as well as their mixtures are used in combination with X-ray diffraction in
order to classify the chiral substance into one of the three major classes of chiral
molecules via their respective binary melting phase diagram (see Figure 2.2). In the
following, the binary melt phase diagram of lactide, naproxen and 3ClMA are presented
and discussed.
For 3ClMA detailed information is available from previous studies222, 225. The binary melt
phase diagram of 3ClMA (see Figure 4.16) is complicated by the formation of a
metastable form of (R) as well as (RS)-3ClMA.222 This work’s crystal forms correspond
to the higher melting enantiopure and racemic forms as shown in Figure 4.14.

Figure 4.16: Binary melt phase diagram of polymorphic 3ClMA as suggested in ref. 222.

The binary melting phase diagram of lactide is depicted in Figure 4.17. Published data225
has been extended with additional measurements within this work that agree well with
one another and confirm a racemic compound-forming system. Furthermore, no
indication for the formation of polymorphic forms or any signs of miscibility in the solid
state have been found. At first sight, measurements seem to correlate well with the ideal
phase behaviour from the SVL and PD equation using the pure component data from
Table 4.5. However, there are deviations of the eutectic composition; the eutectic
temperature is found Teu = 90.1 ± 1.8 °C. As the two melting peaks of the solidus and
liquidus line are hardly distinguishable close to the eutectic composition even at low
heating rates, an additional experimental method has been used to locate the eutectic
composition. A mixture of (S)- and (RS)-lactide close to the expected eutectic
composition has been heated above melting temperature and cooled down from the
homogeneous melt to 91°C which is slightly above the melting temperature of the
eutectic. The suspension has been kept at that temperature for around 5 minutes before
two samples of the melt have been taken. Measurements via HPLC gave an enantiomeric
ratio of xeu = 83.5 ± 0.2 % which is significantly different as for the ideal system (see
Figure 4.17) but agrees well with the previous suggested value225 of xeu = 84 %. The
extracted samples were additionally measured after solidifaction via DSC and one sharp
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single melting peak confirmed the eutectic composition which is marked in Figure 4.17
in red.

Figure 4.17: Binary melt phase diagram of lactide. Circles correspond to this works result while
triangles have been taken from literature225 (Open symbols - solidus line; solid symbols - liquidus
line). The eutectic point is marked in red (Dashed lines - guide to the eye; Straight lines calculations via the SVL and PD equation using melting properties from Table 4.5).

In case of naproxen melting temperatures of mixtures of the two enantiomers have been
studied before suggesting the presence of an ordinary racemic compound-forming
system.215 Additional measurements have been performed in this work to complement
previous findings. Slight modifications of the standard measurement procedure from
section 3.2.5 have been conducted which are given in more detail here.

Figure 4.18: Binary melt phase diagram of naproxen: (left) first run of the recrystallized mixture
from acetone; (right) second run after recrystallization from the melt. Open circles represent the
solidus line and solid circles correspond to the liquidus line. The eutectic point is marked in red.
Dashed lines are a guide to the eye. Straight are the calculations via the SVL and PD equation
using the melting properties from Table 4.5.

This work’s measurements give a eutectic temperature of Teu = 146.4 ± 0.5 °C which is
in good agreement with earlier findings (Teu = 145.5 ± 0.5 °C)215. The eutectic
composition was found215 to be close to the ideal value which can be calculated with the
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SVL and PD equation, xeu,id = 80.5 %. This work’s results, however, suggest the eutectic
composition to be significantly closer to the pure enantiomer side, xeu = 87.5 %, as marked
in Figure 4.18 in red. Furthermore, the results of both runs suggest a more complex
melting behaviour of the mixtures in between concentrations of the eutectic point and the
racemic mixture as well as close to pure (S)-naproxen. In the first run (Figure 4.18, left)
the eutectic melting peak (solidus line) disappears at concentrations of xS ≤ 0.65. At the
same time the melting peak corresponding to the liquidus line exhibits a shoulder. The
inflection point has been evaluated via the first derivative of the thermal response
unveiling a lense-shaped solidus line. The effect is more pronounced in the second run
after recrystallization from the melt (Figure 4.18, right). This indicates the formation of
partial solid-solutions at concentrations of xS ≤ 0.75 and if recrystallized from the melt as
well close to pure (S)-naproxen.
For additional information XRPD measurements have been performed of the samples
once after recrystallization from acetone (Figure 4.19) and a second time after
recrystallization from the melt (Figure 4.20). Figure 4.19 shows the XRPD patterns of
selected mixtures after recrystallization from acetone. While the XPRD pattern of the xS
= 75 % mixture contains peaks of both (S)- and (RS)-naproxen and suggesting a
mechanical mixture of both chiral crystals the pattern of the xS = 60 % mixture only
contains peaks of (RS)-naproxen. In between the 16 ° and 26 ° some of the peaks of the
xS = 60 % mixture are shifted compared to those of the pure racemic molecular crystal
(blue arrows in Figure 4.19, b). At the same time the dominant peaks 2Theta < 16 ° are
identical between the two mixtures and pure (RS)-naproxen indicating the dissolution of
excess (S)-enantiomer within the crystal structure of (RS)-naproxen. These findings are
consistent with the disappearing eutectic melting peak for mixtures of xS < 70 % (see
Figure 4.18, left). After recrystallization from the melt certain shifts of (RS)-naproxen,
peaks become more pronounced (see Figure 4.20). Furthermore, the concentration range
where partial solid solutions appear broadens by covering as well the xS = 75 % mixture
which prior formed a mechanical mixture before melting (Figure 4.19).
Close to pure (S)-naproxen (xS = 0.98) a similar behaviour can be observed. While the
recrystallized mixture from acetone clearly shows a mechanical mixture of the
enantiopure and racemic crystals (see Figure 4.19), (R)-naproxen is able to crystallise
within the crystal structure of (S)-naproxen when recrystallised from the melt. Most peaks
of the xS = 0.98 mixture in Figure 4.20 are identical to the ones of the pure enantiomer
while certain peaks are merged or shifted after crystallisation form the melt (marked with
red arrows in Figure 4.20, b). This is consistent with the melting temperatures from the
DSC measurement where the eutectic melting peak of the xS = 0.98 mixture disappears
only in the second run and thus after recrystallisation from the melt (see Figure 4.18).
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Figure 4.19: (a) The full XRPD-patterns and (b) a close-up of mixtures of (S)- and (RS)-naproxen
after recrystallization from acetone in comparison to the pure components. Red arrows highlight
selected peaks of (S)-naproxen while blue arrows those of (RS)-naproxen.

Figure 4.20: (a) The full XRPD-patterns and (b) a close-up of mixtures of (S)- and (RS)-naproxen
after recrystallization from the melt in comparison to the pure components. Red arrows highlight
relevant peaks of (S)-naproxen while blue arrows those of (RS)-naproxen.
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In summary, the formation of a partial solid-solution close to the racemic compound and
the pure enantiomer is more likely to occur when recrystallised from the melt and is more
pronounced for mixtures close to the racemic compound. However, as well certain
mixtures that have been recrystallised from solution (acetone) are as well able to form
solid-solutions close to the racemic mixture. As a consequence, care should be taken when
studying the solution behaviour of mixtures of (S) and (R)-naproxen. Furthermore, the
purification of (RS)- and possibly as well (S)-naproxen by recrystallisation could
potentially be complicated by miscibility in the solid phase close to the pure substances.

4.3.3 Heat capacities from room temperature to the melt
Heat capacities for the two chiral species of lactide, naproxen and 3ClMA where
measured by DSC from room temperature until above the melting temperature. They are
used in the following sections to adjust measurements of the melting enthalpy, entropy
and Gibbs free energy from melting temperature (see Table 4.5) to one reference
temperature, e.g. to solution temperature, via eqs. (31) - (33). They are further required
in order to adjust experimental sublimation thermodynamics to one reference temperature
as measurements are commonly performed at elevated temperatures (see Figure 2.12).

Experimental details
Heat capacities above room temperature were measured by DSC as described in section
3.2.7. A minimum of four measurements were carried out for each crystalline form using
typical masses of 60 to 80 mg (±10 μg). The lactide measurements had an average relative
deviation of 0.08 % for the racemate and 0.25 % for the enantiomer. For naproxen, the
average relative deviation was 0.4 % for the racemate and 1.2 % for the enantiomer; for
3ClMA the average relative deviation was around 0.7 % for both compounds. To support
the experimental high temperature 3ClMA heat capacities additional DSC measurements
of the related (R)- and (RS)-mandelic acid molecules were performed in between 298 K
and 370 K using the same measurement procedure. The relative deviation of three
independent measurement series was 0.2% (R)- and (RS)-mandelic acid.

Results and discussion
Measurement results of the heat capacities of (S)- and (RS)-lactide, (S)- and
(RS)naproxen as well as (R)- and (RS)-3ClMA from room temperature to above melting
temperature are summarized in Figure 4.21 (a-c). The experimental uncertainty is
displayed with black bars but is most of the time smaller than the symbols. Primary data
is summarized in Appendix (Table 7.1 to Table 7.4).
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Figure 4.21: Experimental heat capacities of (a) (S)- and (RS)-lactide, (b) (S)- and (RS)-naproxen
and (c) (R)- and (RS)-3ClMA from room temperature to above melting temperature. In addition,
solid-state heat capacities of (d) (R)- and (RS)-mandelic acid are shown. Full circles (●)
correspond to the enantiomers and open circles (○) to the racemic compounds.

This work’s result of lactide (Figure 4.21 a) is in good agreement with literature221, 226
with deviations of 2 to 3 % and thus within the 1 %-5 % accuracy of DSC227 heat capacity
measurements. Heat capacities of the two solid forms are indistinguishable by eye but
there are small differences in the melt phase which have a smaller temperature
dependency in comparison to the crystalline solid.
In case of naproxen, slightly different experimental heat capacities have been reported in
literature for temperatures above 90°C.82 Literature values are around 5 % smaller when
compared to this work’s (S)-naproxen (Figure 4.21 b). As details on the sample are
missing82, the reported data is not further discussed in this work. Temperature dependency
of the heat capacities of the melt and the solid are, unlike for the lactides, very similar.
3ClMA is the only substance studied where heat capacities of the solid racemate and
enantiomer differ significantly. To strengthen these findings additional measurement of
the related (S)- and (RS)-mandelic acid (see Figure 4.21 d) have been performed which
give similar results. Even though it has been suggested that 3ClMA decomposes at
92 °C222, caloric measurements of the melt could be performed. Furthermore, the
subcooled melt of 3ClMA could be measured as recrystallization from the melt has been
found to be kinetically hindered. Hence, one measurement series of the subcooled melt
between room temperature and 360 K for the enantiomer has been performed. Unrealistic
large heat capacities in between 340 K and 350 K (not shown in Figure 4.21 c as they are
out of scale) indicate an additional slow phase transition in between 330 K and 360 K
which is possibly related to vitrification from the subcooled melt into an amorphous form.
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Table 4.6: Heat capacities of the solid and molten enantiomer and racemic compound and their
differences for lactide, naproxen and 3ClMA. Given values correspond to the linear regression of
the primary measurement data using eq. (65). Thermal corrections between melting temperature
and 298 K have been determined via eqs. (31) and (32) using ΔC𝑙−𝑠
P at Tmelt. Heat capacities and
entropies are given in J mol-1K-1 while enthalpies and Gibbs free energies are given in kJ mol-1.
Compounds

CP𝑠

C𝑙P

ΔC𝑙−𝑠
P

ΔHcorr

ΔScorr

ΔGcorr

298 K

Tmelt

Tmelt

Tmelt

298 K

298 K

298 K

(S)-lactide
(S)-lactide221
(RS)-lactide
(RS)-lactide 226

189.0
181.5
189.3
184.3

225.5
219.5
235.4
243.7

279.8
317.0
289.7
297.1

54.2
97.5
54.3
53.4

-5.4

-15.6

-0.7

-3.9

-11.6

-0.4

(RS)-(S)

0.4
2.8

9.9
24.2

9.9
-19.9

0.0
-44.1

-1.5

-4.0

-0.3

(S)-naproxen
(RS)-naproxen
(RS)-(S)
(S)-3ClMA
(RS)-3ClMA
(RS)-(S)

295.6
296.9
1.3
211.1
201.9
-9.2

412.5
417.8
5.2
251.0
250.0
-1.0

482.6
488.9
6.2
339.6
335.4
-4.2

70.1
71.1
1.0
88.6
85.4
-3.2

-9.2
-9.3
0.1
-8.2
-6.7
-1.6

-25.5
-25.9
0.4
-24.0
-19.9
-4.1

-1.6
-1.6
0.0
-1.1
-0.7
-0.4

Detailed discussions on the heat capacity differences between the racemic and
enantiopure crystals of all three substances can be found in section 4.3.4 together with the
results of the low-temperature heat capacity measurements which are presented in the
following section. The absolute molar heat capacities of the solid and the melt at 298 K
and Tmelt are required in order to adjust melting enthalpies and entropies to the solution
temperature. The temperature-dependent behaviour of the molar heat capacities of both
states were assumed to be linear in between reference temperature and the melt and have
been correlated by equation (65):

CP = A + B  T / K

(65)

The resulting heat capacities of the crystalline solid and liquid melt are summarized in
Table 4.6. Heat capacity differences between the solid and the melt, ΔC𝑙−𝑠
P , at melting
temperature have been used to determine the thermal corrections that are required to
adjust melting enthalpies and entropies from melting temperature to 298 K. ΔCP‘s are in
good agreement with literature226 for (RS)-lactide while there are significant differences
for (S)-lactide221. The measured ΔC𝑙−𝑠
of the four molecules are in between 54 to 88 J
P
-1 -1
mol K which agrees with an average ∆Cp value for 117 organic molecules83 of ΔC𝑙−𝑠
P =
-1 -1
84 ± 57 J·mol K . The resulting thermal corrections are summarized in Table 4.6 and
can be used to calculate the corrected melting enthalpies, entropies and Gibbs free
energies when combined with the melting properties of Table 4.5. Influences of the
thermal corrections are small for lactide, around -1 kJ·mol-1 for 3ClMA but especially
significant for naproxen which hast the highest melting temperature where ΔGcorr = -1.6
kJ·mol-1. For 3ClMA and naproxen thermal corrections lower the Gibbs energies of
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melting by around 17 % compared to the ΔGmelt at melting temperature. Hence, they are
of relevance for both substances when calculating solubilities via the melt cycle.

4.3.4 Low-temperature heat capacities
In addition, the high temperature heat capacities discussed before, low-temperature heat
capacities for the two chiral crystals of lactide, naproxen and 3ClMA where measured by
direct heat pulse calorimetry (DHPC) from cryogenic temperatures (from ~1.8 K) until
200 Kelvin. They are essential in order to correct calculations of the lattice energy, which
are usually performed for the static lattice at 0 K, to room temperature via the sublimation
cycle (see Figure 2.12 and eqs. (43) - (44)). In comparison to this works experimental
investigations, calculations using two different computational approaches have been
performed. In a first approximation, molecular vibrations are assumed to be the same in
the gas and in the solid phase. This approximation is computationally less demanding
since the separated rigid-body lattice modes can be computationally efficient modelled
for the crystal and electronic structure calculations are only required for the isolated
molecule only.147, 228 This will be referred to as the separated model, mol. Within the
second model the crystal packing can modify both molecular and phonon modes.229
Calculating the coupled vibrational modes requires the use of periodic electronic structure
calculations of the whole crystal. This method will be referred to as the electronic
model,crys. Further computational details on the mol and crys model are given in section
2.7.2.

Experimental details
Low-temperature heat capacities for enantiopure and racemic naproxen and 3ClMA
crystals were measured by means of direct heat pulse calorimetry (DHPC) from 2 K to
200 K. A commercially available relaxation calorimeter has been used the Physical
Property Measurement System (PPMS) from Quantum Design. The measurement method
is described in section 3.2.7. Experiments were performed at 42 temperature points
between 2 K and 200 K including three replicates at each temperature. Naproxen heat
capacities were measured in samples of (S)-naproxen and (RS)-naproxen with sample
masses of 3.16±0.01 mg and 2.80±0.01 mg, respectively. Heat capacities of 3ClMA were
measured in samples of (R)-3ClMA and (RS)-3ClMA with sample masses of 3.02±0.01
mg and 1.99±0.01 mg, respectively. For both substances relative deviations between the
three consecutive measurements are smaller than 1% for temperatures below 50 K and
smaller than 0.5% for temperatures between 50 K and 200 K. Heat capacities of lactide
could not be measured in the PPMS due to the high vapor pressures of lactide230 and thus
possible sublimation within the low-pressure environment. Instead, published
experimental data for (S)-lactide and (RS)-lactide measured in an adiabatic lowtemperature calorimeter have been taken from literature.221, 226
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Results and discussion
Figure 4.22 (a-c) shows the measurement results of the temperature-dependent heat
capacities of both chiral species of lactide, naproxen and 3ClMA. Primary experimental
data is given in Appendix (Table 7.5 and Table 7.6). The low-temperature heat capacities
are complemented by the before discussed DSC results (see Figure 4.21) of the crystalline
solids. For all substances the heat capacities follow Debye’s cubic law (CP~A·T3) at very
low temperatures then increase linearly for temperatures greater than 100 K. Naproxen
has a significantly larger heat capacity than 3ClMA and lactide, reflecting the larger
number of atoms per molecule, though the specific heat of the molecular crystals are all
in the range of 1-1.3 J·g-1K-1 at 298 K.
Figure 4.22 also contains calculated temperature-dependent heat capacities from the mol
method. The heat capacities are calculated via a hybrid Einstein-Debye model (eq. (59))
using computed molecular and lattice vibrational frequencies. Contributions of the
lattice and molecular vibrational frequencies are independently displayed for all six
crystalline solids which in sum give the total calculated isobaric heat capacity, as thermal
expansion is neglected. The calculations nicely reproduce the temperature dependence
up to 300 K and also display the differences in magnitude between the different organic
molecules. Calculated heat capacities of the crys model where molecular and lattice
vibrations are not decoupled are very similar to those of mol model and thus not
additionally displayed in Figure 4.22. Further information and numeric values of both
computational methodscan be found in ref. 150. Furthermore, the mol and crys heat
capacities are compared in detail when discussing heat capacity differences between the
enantiomer and the racemate in the following section 4.3.5.
With increasing temperature, the calculations appear to systematically underestimate the
heat capacities. This is consistent with a recent study where experimental solid state heat
capacities for small molecule crystals were underestimated in 85% of the cases.231 At
temperatures above 150 K the lattice modes are almost completely saturated resulting in
final values of CsP,lattice = 49.4 – 49.6 kJ mol-1K-1. This is close to the assumption of mode
saturation in the 2RT-correction (eq. (55)) which is CsP,lattice = 6 R = 49.9 kJ mol-1K-1.
Hence, only the molecular vibrations are responsible for the temperature dependency at
elevated temperatures.
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Figure 4.22: Experimental (exp) heat capacities at constant pressure (∆CsP ) compared with
calculated heat capacities at constant volume (∆CsV ) by the mol model (calc) of the racemic (RS)
and enantiopure (S) crystalline solid of (a) lactide, also including additional data from
references221, 226, (b) naproxen with inclusion of experiments for an unspecified form of
naproxen82 and (c) 3-chloromandelic acid. Experimental errors are too small to be visible in this
plot but are given in Appendix (Table 7.1 to Table 7.6).
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However, the systematic underestimation of the high temperature heat capacities might
be as well partially attributed the experimental results as there is a systematic gap between
the low temperature DHCP and the high temperature DSC measurements. For DHCP
measurements, thermal coupling between the sample and the measuring platform is
essential. However, for measurements of naproxen and 3ClMA thermal coupling never
fell below 90% which has to be guaranteed for a DHCP measurement in a PPMS
system.232 Benzoic acid has been used as a test substance in order to investigate systematic
errors in DHCP results and only a slight underestimation at room temperature compared
to literature data could be observed. There is a general trend of PPMS measurements on
small powdered samples to slightly underestimate heat capacities.233 Simultaneously, the
DSC measurement method tends to slightly overestimate heat capacities of the test
measurements with benzoic acid and sapphire. It can be summarized that both effects
could cause a systematic error in experimental methods when extrapolating the low
temperature results to high temperature and vice versa. The systematic gap between the
DHCP and DSC measurements is in total around 4 % and hence still within the range of
precision for heat capacity measurements.227 This deviation is most apparent at high
temperature and also detectable for lactide data from literature221, 226. Hence, the
systematic experimental error contributes to differences between experiment and theory
but is unlikely to be responsible for the entire calculations error.
Another reason for an underestimation of the calculations is the neglect of thermal
expansion within eq. (59). Even though thermal expansion can be neglected at low
temperatures, in the high temperature region the neglect of thermal expansion can make
an error of order 20 J mol-1 K-1. This would lower the calculated heat capacity by roughly
~ 5 %. As a consequence, it could account for much of the underestimation of the
calculations heat capacities.150 This is consistent with a recent computational study on
acetic acid and imidazole which concluded that zero-point energy and thermal expansion
can affect the final free energy corrections by a few kJ mol-1.234

4.3.5 Heat capacity differences
In this section the heat capacity differences between the racemic and enantiopure
substances, ∆RS-S CsP , are discussed as they affect the difference in Gibbs free energy of
sublimation between both chiral species, ∆RS-S ∆Gsubl , and thus as well the eutectic
composition (see eq. (23)). Figure 4.23 shows the experimental and computed heat
capacity differences between the enantiopure and racemic crystals for the three
substances between 2 K and 200 K. Below 100 K, experimental ∆RS-S CsP are between -1
and 3 kJ mol-1 K-1 and differ markedly between the three molecules. Even the sign of the
heat capacity differences is temperature-dependent, with 3ClMA showing the largest
differences from +3 kJ mol-1 K-1 at ~20 K to -4 kJ mol-1 K-1 at T > 150 K. The heat
capacities for naproxen above 100 K have significant error bars which may be attributed
to a loss in thermal coupling.232 For all substances the calculated heat capacities
qualitatively reproduce the differences between enantiomer and racemate at the lowest
temperatures.
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Figure 4.23: Low temperature heat capacity differences, ∆RS-S CsP , between racemic compound
and the enantiomer for the three chiral molecules. Experimental results are shown with
experimental uncertainty (dots) and compared with calculated values from the ѱcrys (solid lines)
and the ѱmol method (dashed lines).

The high temperature heat capacity differences in the range of 300-370 K are shown in
Figure 4.24. They correspond to the experimental DSC measurement which have been
extrapolated using linear correlations (see Figure 4.21) to obtain the capacity differences
at 298 K which are given in Table 4.7. Differences are pronounced only for 3ClMA. The
heat capacity of the enantiomer at 298 K is 9.2±2.2 J·mol-1·K-1 which is 4.5% larger than
that of the racemic crystal. A significant heat capacity difference has been reported in
literature as well for the structurally related mandelic acid.235 In order to confirm these
findings and to compare them to the 3ClMA results measurement for (RS)- and (R)mandelic acid have been repeated in this work (see Figure 4.21) using the same DSC
method as for the other substances. This work’s results are in good agreement with the
previous results235 and give a slightly smaller heat capacity difference at 360 K as shown
in Table 4.7. The heat capacity difference between enantiopure and racemate changes
with temperature for mandelic acid and is less severe at 298 K in comparison to the
temperature independent heat capacity difference of 3ClMA (see Figure 4.24). The sign
and magnitude is comparable between mandelic acid and 3ClMA. For lactide and
naproxen, the heat capacity differences at room temperature are within experimental
uncertainty. In case of lactide, the heat capacity of (RS)-lactide is only 0.6±0.6
J·mol-1K-1 larger than that of the enantiomer, which is smaller than the published value
of 2.8±0.3 J·mol-1K-1.221, 226 The heat capacity differences of naproxen at room
temperature are 1.3±4.9 J·mol-1K-1 and within experimental uncertainty.
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Figure 4.24: Experimental high temperature heat capacity differences, ∆RS-S CP, between the
racemic and enantiopure crystals. Computational results via the ѱcrys method are given by
dashed lines in the same colour while results via the ѱmol method are approximately zero for all
substances (black straight line).

The computed harmonic rigid-molecule calculations (ѱmol method) in Figure 4.24 all
asymptotically approach zero for all compounds. The ѱcrys calculations show a difference
in the heat capacities at process-relevant temperatures for naproxen which is independent
of temperature. However, the overall effect of including the coupling between the
molecular and lattice modes is relatively small. Clearly none of the two computational
approaches is able to reproduce the heat capacity differences adequately. One reason
might be the neglect of thermal expansion to the temperature dependency of the heat
capacities of the enantiopure and racemic crystal. As they depend on the crystal structure
they can affect as well the differences between the enantiomer and the racemate.
However, it was recently shown for a large set of polymorphs, that the impact of thermal
expansion on Gibbs energy differences is small in comparison to the effect of vibrational
differences.236
Heat capacity differences are no rarity as shown in Table 4.7 where this work’s
measurements of lactide, naproxen, 3ClMA and mandelic acid are compared to literature
data of several examples of chiral molecules. Literature data predominantly consists of
studies of chiral amino acids which are zwitterionic in the solid state. Set aside both
results from Leclercq et. al.235, heat capacity differences are below 10 J·mol-1K-1. Usually
the enantiopure crystal has the higher heat capacity, but for the lactide, naproxen and mchloro-phenylhydracrylic acid, the racemic compound has the higher heat capacity
compared to the enantiomer. The gathered data poses a challenge to computational
methods as they have been shown in this work to fail to accurately (or at all in case of the
separated ѱmol method) compute high temperature heat capacity differences. A precise
calculation of these differences from zero Kelvin to process relevant temperatures
however is essential for the calculation of free energy differences between the enantiomer
and the racemic compound and, thus, for enantioseparation process design.
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Table 4.7: Compilation of heat capacity differences between the racemic compound (rac) and the
enantiopure (ep) crystals, ΔRS-SCP = CP,rac - CP,ep , from this work and literature.
T
/K

CP,ep (ep)
/ J∙mol ∙K
189.0±0.5

CP,rac (rac)
/ J∙mol-1∙K-1

∆𝑅𝑆−𝑆 CP

189.6±0.2

/ J∙mol-1∙K-1
0.6±0.5

181.5±0.1

184.3±0.4

2.8±0.4

298.15

295.6±4.6

296.9±1.4

1.3±4.8

3ClMA

this work41 298.15

211.1±1.6

201.9±1.5

-9.2±2.2

Mandelic acid

this work41

298.15

186.9±0.4

182.3±0.8

-4.6±0.9

360

225.4±0.4

216.6±0.8

-8.8±0.9

Mandelic acid

235

360

225.1±0.8

210.6±2.9

-14.1±3.0

Phenylglycine

237

298.15

179.1±0.1

177.7±0.1

-1.4±0.1

Valine

238

298.15

167.9±0.1

167.3±0.1

-0.6±0.1

Serine

239

298.15

134.9±0.1

130.3±0.1

-4.6±0.1

Alanine

240

298.15

122.3

121.6

-0.7

Cysteine

241, 242

273.15

142.4±0.1

135.6±0.1

-6.8±0.1

Erythrophenylglyceric acid

235

350

279.7±3.3

251.0±5.4

-36.7±6.3

m-Chlorophenylhydracrylic acid

235

305

222.6±2.1

224.7±0.8

2.1±2.3

Lactide
Lactide
Naproxen

this work41 298.15
221, 226

298.15

This
work41

-1

-1

Analysis of the origin of heat capacity differences
The absolute heat capacities are related to the integral of all vibrational movements of the
molecules within the unit cell. The separated mol model assumes that the lattice modes
are sufficiently separated from the molecular modes and thus are decoupled in the
Einstein-Debye model in eq. (59). However, Figure 4.25 shows that some of the
calculated molecular and lattice vibrational frequencies are similar in magnitude, which
can affect one another. Even for the “rigid” lactide, there are some ring bending modes
that are of similar frequencies to the lattice modes. For naproxen, the low frequency
molecular modes correspond to rotations of the propionic acid side chain and bending of
the naphthyl group. The low frequency molecular modes of 3ClMA are rotations of the
flexible alpha-hydroxy acid sidechain and out-of-plane vibrations of the chlorine atom.
The low frequency lattice modes determine the heat capacities at low temperatures. As a
consequence, a coupling can affect the heat capacity differences in that temperature range
(see Figure 4.23). Numeric values have of the molecular and lattice vibrations within the
ѱmol and ѱcrys can be found in ref. 150.
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(S)-Lactide
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(S)-3ClMA

(RS)-Lactide
(RS)-Naproxen
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Lactide (molecular)
Naproxen (molecular)
3ClMA (molecular)
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Figure 4.25: Comparison of the rigid-molecule lattice frequencies of the model mol model for the
enantiopure and racemic crystals of lactide, 3ClMA and naproxen with their molecular low
frequency modes.

All three molecules pack differently in the racemic and enantiopure structures (see Figure
4.13). This affects the lowest frequency modes which have been shown to be very
sensitive to the choice of the computational method.41 One source of errors comes from
assuming that the molecule is rigid. Thus, the results of ѱmol and ѱcrys are more consistent
for the more rigid lactide, which has comparably isotropic and weak intermolecular
interactions.
For the high temperature heat capacities, only the high frequency molecular modes are
relevant, as the low frequency lattice modes have become saturated. Only the electronic
ѱcrys calculations give small differences in the high frequency modes that lead to a small
difference in heat capacities at process-relevant temperatures for naproxen and 3ClMA,
but none for lactide (Figure 4.24). This can be experimentally resolved by the solid-state
Raman spectra which can be distinct for polymorphs243 and, thus, as well for the
enantiomer and the racemic compound. Differences between the spectra of the
enantiomer and the racemate are related to differences in vibrational frequencies of the
crystal which can be responsible for differences in heat capacities. Solid-state Raman
spectra were measured for enantiopure and racemic crystals of the three substances and
are shown in Figure 4.26.
For naproxen and 3ClMA there are detectable differences between the crystal forms, in
particular at higher frequencies i.e. the C=O around 1600-1800 cm-1 and O-H around
3000 cm-1. On the contrary, for lactide the enantiopure and racemic crystals display an
almost identical Raman spectrum. Such differences in the higher frequency molecular
modes between the racemic and enantiopure crystals are one reason for the heat capacity
differences at high temperatures shown in Figure 4.24. Thus, Raman spectra can be used
to test whether heat capacity differences at high temperatures are likely before applying
the costlier calorimetric measurements.
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Figure 4.26: Overlay of the solid-state Raman spectra of the racemic and enantiopure species
of the three compounds showing the relevant regions between 0-1800 cm-1 and 2700-3150 cm1
. The inset illustrates the different hydrogen bonding motifs, responsible for the changes in the
spectra at higher “molecular” frequencies i.e. the C=O around 1600-1800 cm-1 and O-H around
3000 cm-1.

4.3.6 Sublimation Thermodynamics
In this section the sublimation thermodynamics of the three chiral model substances
(Figure 4.12) are discussed. Experimental data is compared to calculations using ab-initio
quantum chemistry methods. The Gibbs free energies of sublimation from experiment
and computations are subsequently used in section 4.4 and 4.5 to calculate absolute and
relative solubilities via the sublimation cycle, respectively.
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Experimental sublimation thermodynamics
Sublimation enthalpies and Gibbs free energies are directly correlated to the sublimation
vapor pressures via eq. (38) which are accessible by experiment. Experimental vapor
pressures are available for enantiopure and racemic lacide in literature230. For naproxen,
they have been determined in the frame of this work using the transpiration method
according to section 3.2.6. For 3ClMA measurements have been conducted with the same
experimental method. Unfortunately, measurements failed due to decomposition of the
samples before sublimation.

Figure 4.27: Experimental vapor pressures as a function of the reciprocal temperature of (●) the
enantiomer and (○) the racemic compound of (left) lacide230 and (right) naproxen41. This works
naproxen results are compared to measurements of (▲) (S)-naproxen from literature244.

For lactide, the vapor pressures of the racemic compound and the enantiomer differ
significantly with the racemic compound having significantly larger vapor pressures. On
the contrary, the absolute vapor pressures of (RS)- and (S)-naproxen (Figure 4.27, right)
are very similar. However, they are still distinguishable especially at low temperatures
where vapor pressures of the enantiomer are slightly higher in comparison to the racemic
compound. Absolute vapor pressures from literature of (S)-naproxen244 are substantially
larger in comparison to this work’s results but their temperature dependencies are
comparable. Absolute vapor pressures pi were correlated according to literature160 via eq.
(66).
ΔCPg − s  T 
b
 pi  a
ln 
+
ln 

= +
R
 298 K 
 1 Pa  R R·T

(66)

where a and b are two adjustable parameters. The heat capacity differences between the
g−s
gaseous and the crystalline phase ΔCP for lactide and naproxen have been taken from
literature41, 230 where they have been determined at 298 K from the experimental solidstate heat capacities and calculated ideal gas heat capacities. The heat capacity differences
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at 298 K are summarized in Table 4.8 together with the sublimation thermodynamic
functions. They are qualitatively in agreement with a suggested averaged heat capacity
g−s
difference of 117 molecules which was shown83 to be ΔCP = 32.7 ± 45.7 J mol-1 K-1.
Gibbs free energies of sublimation are accessible via eq. (38) when referring the
sublimation vapor pressures to a reference pressure of p0 = 1 bar. Sublimation enthalpies
have been taken from the dependency of ln pi to the reciprocal temperature, 1/T, according
g−s
to the Clausius-Clapeyron equation. They have been extrapolated using ΔCP according
to eq. (41). The resulting sublimation enthalpies, entropies and Gibbs free energies of
lactide and naproxen are summarized in Table 4.8. Apart from their derivation from the
experimental transpiration vapor pressures, ΔHsubl have been additionally determined
experimentally by thermogravimetry (TGA) for the naproxens. The TGA results are in a
good agreement with the results of the transpiration method. In Table 4.8 a mean average
ΔHsubl (298 K) has been determined for the enantiomer and the racemate as discussed in
more detail in literature41.

Table 4.8: Experimental vapor pressures and sublimation enthalpies of lactide and naproxen at
298.15 K. The free energy of sublimation at T = 298.15 K was calculated by ∆Gsubl = - RT
ln(p298K/p0), where p0 = 1 bar. Values in brackets have been derived from experimental solubilities
at 298 K as described in section 2.7.2.
ln(p298K/p0)

kJ mol-1 K-1

(RS)-lactide230

-14.10 ± 0.03

28.4

(S)-lactide230

-13.21 ± 0.03

28.4

(RS-S)

-0.9 ± 0.04

(RS)naproxen41
(S)-naproxen41

-25.26 ± 0.04

41.9

-24.28 ± 0.02

40.0

(S)-naproxen244
(RS-S)

-23.7
-1.0 ± 0.04

-

n.a
n.a
n.a

-

(RS)-3ClMA
(S)-3ClMA
(RS-S)
a

ΔCgP−s

∆Hsubl

T∆Ssubla

∆Gsubl

kJ mol-1

kJ mol-1

kJ mol-1

91.6 ± 0.4
(93.4)
86.3 ± 0.4
(91.8)
5.3 ± 0.6
(1.6)
135.3 ± 1.3
(133.5)
129.1 ± 0.9
(133.2)
128.3 ± 1.5
6.2 ± 1.6
(0.2)
(155.1)
(113.8)
(1.3)

56.6
(56.5)
53.5
(57.1)
3.1
(-0.5)
72.7
(69.8)
68.9
(70.5)
69.8
3.8
(-0.7)
(65.8)
(66.1)
(-0.3)

35.0 ± 0.1
(36.8)
32.8 ± 0.1
(34.7)
2.20 ± 0.1
(2.1)
62.6 ± 0.1
(63.7)
60.2 ± 0.0
(62.7)
58.5
2.41 ± 0.1
(1.0)
(49.3)
(47.7)
(1.6)

calculated from ∆Gsubl = ∆Hsubl - T∆Ssubl, where T = 298.15 K.

Vapor pressure measurements of 3ClMA are not available due to decomposition before
sublimation. As an alternative, experimental “reference” quantity sublimation enthalpies
were calculated from experimental solubility data for all six crystals via the sublimation
cycle (Figure 2.12) and thus via ∆Gsubl,solub = -RT ln xexp – ∆Gsolv and ∆Hsubl,solub = -RT ln
xexp – ∆Gsolv + T∆Ssubl. Further details on the calculation of sublimation thermodynamics
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from solubilities are given in section 2.7.2. The primary solubility data and resulting
“experimental” sublimation free energies are summarized in Table 7.7 in the appendix.
Further information on the calculation of the solvation free energies is given later in
section 4.4 where they are used for solubility prediction. The sublimation free energies
and sublimation enthalpies for lactide and naproxen that have been estimated from
experimental solubilities are in good agreement with those from experimental vapor
pressures. Based on the above, they are used in the following as an “experimental”
reference for 3ClMA where direct sublimation data is missing.

Calculated sublimation thermodynamics
In this section, calculated sublimation thermodynamic quantities (∆Hsubl, T∆Ssubl and
∆Gsubl) are discussed and compared to experimental reference data from Table 4.8.
Calculated lattice energies, Elatt, were combined with the calculated zero-point vibrational
energies (EZPE) as well as the calculated heat capacity corrections within the atomistic
(ψmol) and electronic (ψcrys) model in order to determine the sublimation thermodynamics
at 298 K. Detailed information on the computational mol and crys methods are
summarized in section 2.7.2. Both methods have been previously used for calculating the
solid-state heat capacities (see Figure 4.22). The experimental solid-state heat capacities
were evaluated within the mixed “exp/theory” model. They are combined with calculated
ideal gas heat capacities of the mol method as well as the lattice energies and zero-point
energies of the mol and crys methods resulting in the so-called mol (exp/theory) and
crys (exp/theory) method. Further details of the integration of the experimental solidstate heat capacities and their combination with the exclusively computational mol and
crys methods are given in section 2.7.2.
The final computational results of the absolute sublimation (a) enthalpies and (b) Gibbs
free energies using the pure computational methods (mol and crys) and the mixed
“exp/theory” methods are depicted in Figure 4.28. Selected data is given in Table 4.9
while all primary data is summarized in Table 7.19 in the appendix. Computations are
compared to experiments41, 230 and for 3ClMA to the recalculated values from
experimental solubilities as discussed before in Table 4.8. For all molecules, absolute
sublimation enthalpies depend strongly on the method used to calculate lattice energies
which is the dominant quantity while thermal corrections Hcorr play a minor role (see
Figure 4.28a). The mol method gives worse enthalpies (RMSE = 10.1 kJ mol-1) than the
more sophisticated electronic method (RMSE = 5.2 kJ mol-1) whose accuracies are close
to the uncertainties of sublimation experiments (4.9 kJ mol-1)94 (see Table 4.9). The
utilization of experimental heat capacities only marginally improves the calculations for
the atomistic (RMSE = 9.6 kJ mol-1) as well as the electronic method (RMSE = 5.1 kJ
mol-1).
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Figure 4.28: Calculated (a) Sublimation enthalpies, ∆Hsubl, and (b) Gibbs free energies of
sublimation, ∆Gsubl, in comparison to the experimental data from Table 4.8 (blue = lactide230;
green = naproxen41; red = 3ClMA – as 3ClMA decomposes estimations from experimental
solubilities are used). The calculations are based on the pure crys and mol method and when
combined with experimental solid-state heat capacities on the so-called mixed “exp/theory”
methods.

The importance of a more complete model to determine the thermal corrections over the
widely used 2RT-approximation becomes obvious in Figure 4.29 (a) where all absolute
thermal corrections are summarized. Recently, this approximation has been queried for a
set of smaller sized molecular crystals85, 97, 194 where different calculations of ΔHcorr vary
in between 1 to up to 9 kJ mol-1 and deviations to the 2RT-approximation are in the order
of a few kJ mol-1 (see Figure 4.8). The literature data indicates that method related
differences are largest in cases where vdW-interactions or H-bonding dominate in the
crystal. However, there is a clear correlation between the differences in the thermal
corrections with the molecular flexibility and packing in racemic and enantiopure crystal
structures. The interactions in the crystals of rigid lactide are dominated by isotropic
vdW-interactions. As a consequence, the crys and mol calculations seem to be
independent to the method used and results are close to the 2RT-approximation. However,
for naproxen and 3ClMA the different hydrogen bonding in the two crystals and
increasing vibrational flexibility lead to larger differences in thermal corrections. For
3ClMA the largest deviations are observed and differences to the harmonic
approximation are up to 4 kJ mol-1 while Naproxen results are somewhat in between the
two extreme cases. In both cases the deviations come from the zero-point energies and
thermal energies to a similar extent and hence do not only depend on the heat capacities
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of the crystal. Based that it can be concluded that thermal corrections appear to be rather
dependent on the complexity, on the molecules, and of the crystal packing, and is most
apparent for the flexible 3ClMA.

Figure 4.29: (a) Thermal enthalpy corrections, ΔHcorr, and (b) sublimation entropies, TΔSsubl, of
the racemic and enantiopure crystals. The calculations are based on the pure crys and mol method
and when combined with experimental solid-state heat capacities on the so-called mixed
“exp/theory” methods.

In order to calculate the sublimation free energies of Figure 4.28 (b), besides the
sublimation enthalpies, the sublimation entropies, TΔSsubl, are required. The latter are
summarized Figure 4.29 (b) and compared to experimental data from vapor pressure
measurements from Table 4.8. The electronic (crys) method gives slightly better results
in comparison to the atomistic (mol) method except for lactide. However, deviations are
above 7 kJ·mol-1 and thus significantly worse than the integrals from experimental solidstate heat capacities. Surprisingly, the integrals of the computed ideal gas and
experimental solid-state heat capacities are not able to resolve the difference between the
enantiomer and the racemate.
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Table 4.9: Calculated absolute sublimation enthalpies, entropies and Gibbs free energies and
energy differences between the racemic and enantiopure crystal ΔRS-S of lactide, naproxen and
3ClMA in comparison to the experimental reference values from Table 4.8. All values are in
kJ·mol-1.
Method

lactide
(RS)

(S)

naproxen
ΔRS-S

(RS)

(S)

3ClMA
ΔRS-S

RMSE

(RS)

(S)

ΔRS-S

abs.

Sublimation enthalpy ΔHsubl
mol

81.1

77.5

3.5

128.3

120.1

8.2

105.2

99.9

5.3

7.9

crys

85.2

82.2

2.9

130.3

128.7

1.7

122.0

119.5

2.5

3.6

mol
(exp/theory)

80.7

77.3

3.3

128.8

121.1

7.7

106.9

100.7

6.2

7.6

84.2

81.5

2.7

129.4

127.3

2.1

120.8

117.3

3.5

3.3

91.6

86.3

5.3

135.3

129.1

6.2

(115.1)

(113.8)

-

crys
(exp/theory)
experiment

Sublimation entropy TΔSsubl
mol

51.6

52.7

-1.2

59.8

58.6

1.1

57.0

57.9

-0.9

8.6

crys
“exp/theory”

47.9

51.9

-4.0

62.3

65.4

-3.1

63.2

64.6

-1.4

7.1

56.5

57.1

-0.5

69.8

70.5

-0.7

65.8

66.1

-0.3

2.4

experiment

56.6

53.5

3.1

72.7

68.9

3.8

-

-

-

Sublimation Gibbs energy ΔGsubl
mol

29.5

24.8

4.7

68.5

61.5

7.0

48.2

42.0

6.2

5.2

crys

37.3

30.4

6.9

68.0

63.2

4.8

58.8

54.8

4.0

5.6

mol
(exp/theory)

24.1

20.3

3.9

59.1

50.6

8.4

41.1

34.5

6.6

10.
2

27.7

24.5

3.3

59.7

56.8

2.8

55.0

51.2

3.8

5.6

35.0

32.8

2.2

62.6

60.2

2.4

(49.3)

(47.7)

(1.6)

-

crys
(exp/theory)
experiment

Calculations of the final sublimation free energies, ΔGsubl, (see Figure 4.28, b) give
similar accuracies in comparison to the sublimation enthalpies. The atomistic method is
comparably accurate (RMSE = 5.2 kJ mol-1) than the more sophisticated electronic
method (RMSE = 5.6 kJ mol-1), even though it was less accurate for calculating ΔHsubl
and TΔSsubl. Combining the atomistic results with experimental solid-state heat capacities
within the mol (exp/theory) method drastically increases deviations to experiment
(RSME = 10.2 kJ mol-1). As the sublimation entropies, T∆Ssubl, from the vapor pressure
measurements (Figure 4.29, b) and from the “exp/theory” method are in good agreement
for lactide and naproxen with an overall RMSE of 2.4 kJ mol-1 (Table 4.9) the calculation
errors are more likely to come from the atomistic lattice and zero-point energies. As a
result, the surprisingly accurate mol-results for ΔGsubl can only be explained by a
fortunate compensation of errors.
Besides the absolute energies, the energy differences between the racemic and
enantiopure crystal (ΔRS-SE = ERS - ES) are of great importance for enantioseparation
process design as they can be related to the eutectic composition of chiral mixtures in
solution (see section 2.2.4 and eq. (23)). Figure 4.30 shows the calculated sublimation (a)
enthalpy and (b) Gibbs energy differences, ΔRS-SHsubl and ΔRS-SGsubl, for the three
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molecules in comparison to experiment. Only the sublimation Gibbs energy differences,
which have been estimated from experimental solubilities via the sublimation cycle, are
accurate enough for lactide and naproxen so that they can be used as an alternative
experimental reference for 3ClMA.

Figure 4.30: Energy differences between the racemic and enantiopure crystal. (a) Sublimation
enthalpy differences, ΔRS-S∆Hsubl, and (b) Gibbs free energies differences, ΔRS-S∆Gsubl, using
calculated and experimental solid state heat capacities in comparison to the experimental data
from Table 4.8 (blue = lactide230; green = naproxen41; red = 3ClMA – as 3ClMA decomposes
estimations from experimental solubilities are used). The calculations are based on the pure crys
and mol method and, when combined with experimental solid-state heat capacities, on the socalled mixed “exp/theory” methods.

Similar to the absolute quantities (see Figure 4.28), enthalpy and free energy differences
are in most cases dominated by the lattice energies. The variation between the
computational methods depends markedly on the flexibility of the molecule. The lactides
show the smallest dependence on the computational model (Figure 4.30) and also have
almost complete cancellation of the thermal corrections (Figure 4.29, a). The thermal
contributions have a major effect on the relative enthalpies of sublimation for 3ClMA,
whereas the non-cancelling errors in calculation of the lattice energy dominates for
naproxen. Nevertheless, for both 3ClMA and naproxen, there is a significant difference
between the thermal contributions up to ∆RS-SHcorr = 2.3 kJ mol-1, calculated from the
experimental and computed heat capacities which equally come from the zero-point
energies and thermal energies. Generally, the atomistic model shows less discrimination.
Thus, the thermal contributions are significant, considering that enthalpy differences are
below 6 kJ mol-1 for lactide and naproxen and probably as well for 3ClMA.
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Similar results are obtained for the differences in sublimation free energies where
experimental values are significantly smaller in comparison to the enthalpy differences
(Figure 4.30, b). While the lattice energies of the mol method overestimate the free
energy differences significantly for naproxen and 3ClMA, the ∆RS-SElatt of the crys
method surprisingly reproduces the experimental free energy differences. However,
adding the zero-point energies, thermal enthalpies and entropy corrections changes the
∆RS-S∆Gsubl on average by 1.6 ± 1.5 kJ·mol-1 up to 4.1 kJ·mol-1. The method dependent
variation of the various energy contributions to ∆RS-S∆Gsubl is illustrated additionally in
Figure 4.31 for the pure ѱmol, ѱcrys method and the combined “exp/theory” (ѱcrys) method.
Regarding the small free energy differences of around 2 kJ·mol-1, it is important to
precisely determine the thermal correction for all three molecules. Especially if the free
energy differences are used to calculate relative solubilities via the sublimation cycle
since those are related exponentially (see eq. (23)).

Figure 4.31: Share of the absolute energy contributions to the difference in Gibbs free energy of
sublimation for lactide, naproxen and 3ClMA in percent. Calculations results of the mol and crys
model and of the combined “exp/theory” (crys) method are compared. Total enthalpy correction
ΔHcorr is comprised of the zero-point energies ΔEZPE and thermal heat capacity corrections Hth.

4.3.7 Conclusions
Lactide has been confirmed to belong to the class of simple racemic compound-forming
systems (see Figure 4.17), whereas naproxen exhibits a more complex binary melting
behaviour (see Figure 4.18). Combined DSC and XRPD analysis suggest the formation
partial solid-solutions at concentrations close to (RS)-naproxen when crystallized from
acetone (see Figure 4.19) and additionally close to (S)-naproxen if crystallized from the
melt (see Figure 4.20). A presence of solvent mediated solid-solutions can lead to
difficulties for enantiopurification by crystallization.
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Thermal corrections are shown to affect ΔGmelt for up to 1.6 kJ·mol-1 in case of naproxen
and are thus not negligible when used for solubility prediction (see Table 4.6). Within the
sublimation cycle zero-point, as well as thermal enthalpy and entropy (see Figure 4.29),
correction can make up to 40 % of the total energy contributions to ΔGsubl, due to the
large temperature gap between 0 K and reference temperature (Table 4.9). Calculated heat
capacities systematically underestimate the measured high temperature CP,s. The
underestimation of computational methods is consistent with literature results and partly
due to a neglect in thermal expansion of the crystal structure (see Figure 4.22). Overall,
the crys method gives significantly better results of the sublimation enthalpies in
comparison to the mol method. However, both methods are close to chemical accuracy
for calculating ΔGsubl (see Table 4.9). The surprisingly accurate mol results for ΔGsubl
have been explained by a fortunate compensation of errors which mostly comes from the
calculations of the lattice energies as well as the sublimation entropies.
At low temperatures there are detectable heat capacity differences between the racemate
and the enantiomer in the DHCP experiments for all three molecules (see Figure 4.23).
The high temperature DSC experiments show however only a significant ΔCP for 3ClMA,
which has been identified as well for the closely related mandelic acid (see Figure 4.24).
Experimental data from literature shows that heat capacity differences are no rarity (see
Table 4.7). This poses a challenge to computational methods as they have been shown in
this work to fail to accurately compute high temperature heat capacity differences even if
molecular and lattice vibrational frequencies are allowed to interact. The low frequency
lattice modes determine the ΔCP at low temperatures while for the high temperature heat
capacities, only the high frequency molecular modes are relevant. Differences between
the high frequency modes for naproxen and 3ClMA have been experimentally determined
by Raman spectroscopy (see Figure 4.26) which can thus help to identify possible heat
capacity differences at high temperatures. Zero-point energies as well as thermal
enthalpies and entropies contribute on average by 1.6 ± 1.5 kJ·mol-1 and up to 4.1 kJ·mol1
to the resulting free energy differences between the racemic and enantiopure crystals.
The magnitude and method dependence appear to be related on the complexity on the
molecules and of the crystal packing.
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4.4 Solubility prediction of chiral model substances
Within this section, the phase transition thermodynamics from the previous section are
combined with solvation terms from COSMO-RS in order to calculate solubilities via the
melt and the sublimation cycle (eqs. (27) and (28)). Calculations of the solubility of the
enantiomer, as well as the racemic compound of the three chiral model substances,
lactide, naproxen and 3ClMA, are compared to experiment. The accuracy of the
calculations via two thermodynamic cycles, the melt cycle and the sublimation cycle
(Figure 2.10), are evaluated for solubility prediction in pure and mixed solvent system.

Experimental and computational details
In order to evaluate the subsequent calculations, solubilities have been gathered from
literature and, if not available, determined in the frame of this work. Available solubility
data of racemic and enantiopure lactide225 has been extended in the frame of this work by
means of isothermal solubility method (see section 3.2.1 for details). For naproxen,
solubilities have been determined experimentally for both crystals in a variety of organic
solvents. For 3ClMA, solubilities of both crystals have been studied thoroughly before225
and thus have been used within this work. The primary experimental data is summarized
in Table 7.7 in the appendix.
The melt cycle uses the Gibbs free energies of melting of Table 4.5 in combination with
the thermal free energy corrections from Table 4.6 in order to determine the corrected
ΔGmelt at 298 K (see eq. (33)). The sublimation cycle uses the Gibbs free energy of
sublimation ΔGsubl from Table 4.9 that has been determined via the ѱcrys or ѱmol method.
ΔGmelt and ΔGsubl are combined with computed excess Gibbs free energy of mixing, ΔGE,
and the Gibbs free energy of solvation, ΔGsolv in order to calculate ΔGsol via eqs. (27) and
(28), respectively. ΔGE and ΔGsolv have both been computed with the COSMO-RS model.
Details on the theory behind COSMO-RS is given in section 2.6.6. All calculations have
been performed at infinite dilution using the TZVPD-FINE parameterization. Further
information on the computational details can be found in section 2.7.3. For the flexible
naproxen and 3ClMA, several molecular conformations have been used which were
treated with a Poisson-Boltzmann weighting as implemented in the COSMO-RS model.
As lactide has a rigid molecular structure, only one conformation was used. All
conformations that have been used are shown in Figure 4.32. The resulting ΔGsol from both
thermodynamic cycles are used to calculate mole fraction solubilities via eq. (10).
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Figure 4.32: Molecular conformations of lactide, naproxen and 3ClMA that have been used for
calculating solvation free energies and excess Gibbs free energies of mixing with the COSMORS model. The energy differences, ΔE, correspond to the difference in energy to the lowest energy
conformation.

4.4.1 Solubility prediction
Figure 4.33 shows the calculation results of lnxi via (a) the sublimation cycle and (b) the
melt cycle in comparison to experiment. The Root-mean-square errors (RMSE) between
calculations and experiment are given in Table 4.10. Calculations via the sublimation
cycle using the mol and crys method in combination with COSMO-RS (mol+COSMO-RS
and crys+COSMO-RS) are generally in good agreement with experiment. The overall
accuracy of the ѱcrys+COSMO-RS method is slightly better compared to the ѱmol+COSMO-RS
method with a RMSE of 1.9 and 2.6 in ln x-units, respectively (see Table 4.10). Both abinitio methods are more precise than calculations via the melt cycle if “ideal” solubility
is assumed. In that case ΔGsol is approximated by the solvent independent experimental
ΔGmelt (see Table 4.10) resulting in the simple form of the SVL equation (see eq. (34)). If
the solvent specific solution non-idealities within ΔGE are calculated by COSMO-RS and
added to ΔGmelt, the overall accuracy of the melt cycle is clearly increased (see Table
4.10). However, this is mostly due to a significantly better representation of the naproxenheptane and 3ClMA-water system (marked with arrows within Figure 4.33) while the
other systems are less effected.

Table 4.10: Accuracy of the calculated ΔGsol and logarithmic mole fraction solubilities, ln xi, via
the sublimation and the melt cycle.
RMSE

Sublimation cycle
ψmol
(+COSMORS)

Melt cycle

ψcrys

ΔGsolva

(+COSMORS)

(COSMORS)

SVL
(ideal)

COSMO-RS

kJ·mol-1

6.3

4.8

2.1

8.1

4.3 (3.3)b

ln x

2.6

1.9

-

3.3

1.7 (1.3)b

a. RMSE of the calculated solvation Gibbs energies of lactide and naproxen via COSMO-RS.
b. Calculated using the temperature corrected ΔGmelt from Table 4.5 and Table 4.6. Values in brackets use
the uncorrected ΔGmelt from Table 4.5.
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Interestingly, the addition of thermal corrections to ΔGmelt does not improve the melt cycle
calculations, but instead slightly lowers the overall accuracy (see values in brackets in
Table 4.10). As a consequence, even if solution non-idealities are determined by
COSMO-RS the accuracy of the melt cycle for calculating ΔGsol (RMSE = 4.3 kJ·mol-1)
is still comparable to that of the sublimation cycle in case the crys+COSMO-RS method is
used (RMSE = 4.8 kJ·mol-1).

Figure 4.33: Calculated absolute solubilities of racemic and enantiopure lactide (blue), naproxen
(green) and 3ClMA (red) in various organic solvent systems using (a) the sublimation cycle in
combination with (Δ) the mol+COSMO-RS and (○) the crys+COSMO-RS method. Calculations of
naproxen in heptane and 3ClMA in water are marked with arrows (b) Calculations assuming via
(Δ) the SVL equation (eq. (34)) assuming “ideal” solubility and via (○) via the melt cycle
combining ΔGmelt and the solvent specific ΔGE from COSMO-RS. Calculations of naproxen in
heptane and 3ClMA in water are marked with arrows.

In order to evaluate sources of computational errors, the accuracy of the COSMO-RS
model for calculating the solvation Gibbs energies have been determined. For that
purpose, experimental solvation Gibbs energies, ΔGsolv,exp, have been recalculated from
the experimental solubilities and experimental sublimation Gibbs energies, ΔGsubl,exp, via
ΔGsolv,exp = -RT·ln xi,exp - ΔGsubl,exp. This is only possible for lactide and naproxen where
experimental sublimation Gibbs energies, ΔGsubl,exp, are available (see Table 4.8). The
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extracted ΔGsolv,exp for lactide and naproxen in each of the studied solvent systems is
summarized in Appendix (Table 7.7). The overall accuracy of the COSMO-RS model for
calculating solvation free energies of lactide and naproxen is 2.1 kJ∙mol-1 (see Table 4.10).
This is in agreement with literature245 where the COSMO-RS model was evaluated for a
large benchmark set of small and medium sized molecules. As a consequence, within the
ѱcrys+COSMO-RS method calculations of the sublimation and solvation are equally
contributing to the overall computational error. Within the ѱmol+COSMO-RS method, the
computational error when calculating sublimation Gibbs energies prevails.
The magnitude of each energy contribution within the sublimation cycle is shown in
Figure 4.34 (top). Exemplarily, the results for the solubility of the enantiopure crystals of
lactide, naproxen and 3ClMA in toluene are compared. For all three substances the lattice
energy is responsible for around half of the sum of all energy contributions which are
largest for naproxen. Thermal enthalpy contributions only take a minor part within the
sum of all energies while the entropy corrections to the static lattice are the second largest
contributions which are around double the magnitude as the solvation free energies. The
solvent specific energy contribution within the melt cycle, ΔGE, is significantly smaller
in comparison to the solvation free energy within the sublimation cycle. Nevertheless, it
takes the largest share of the sum of all energies within the melt cycle (Figure 4.34,
bottom), due to the significantly smaller energy contributions. The total energies are more
than 10 times larger within the sublimation cycle. Based on the above, the good
performance of the sublimation cycle (Figure 4.33 and Table 4.10) is surprising as the
significantly larger energies are more prone to errors when adding all energy
contributions.

Figure 4.34: Absolute energy contributions to the Gibbs free energy of solution via (top) the
sublimation cycle using the crys+COSMO-RS model and (bottom) the melt cycle in combination with
COSMO-RS. Exemplarily, the dissolution of lactide, naproxen and 3ClMA toluene is shown. The
sum, Σ, of the absolute energies is given on the right.
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In summary, the results of the mol+COSMO-RS and crys+COSMO-RS methods are promising,
considering that both methods do not require substance specific experimental input data.
Furthermore, the results are an improvement when compared to other solubility prediction
methods from literature using first-principle calculations.10 Around 40 % of the
solubilities from the ѱcrys+COSMO-RS are within the ±0.5log(x) limits which has been
suggested as within a recent solubility challenge246. Secondly, the ѱcrys+COSMO-RS model is
not restricted to aqueous solution but can handle a large range of organic solvent systems.
Besides that, the reliability is still not high enough so that any of the proposed method
can be used for solubility predictions early stage crystallization process design.

4.4.2 Solubility calculations in mixed solvent systems
The solubility behaviour in mixed solvent systems is in particular relevant for
crystallization process design. The addition of a second solvent, a co-solvent, can be used
to enhance solubility or to significantly lower the solubility of a certain target substance.
A co-solvent that over-proportionally lowers the solubility of a target substance is often
referred to as an “anti-solvent”.
Both thermodynamic cycles have been used to calculate solubilities in mixed solvent
systems. In order to be able to evaluate the performance of the computational methods, a
broad experimental study of the solubility of both chiral species of lactide and naproxen
in a variety of mixed solvent systems was conducted. Solubilities have been measured
according to the isothermal method presented in section 3.2.1. Primary experimental data
is summarized in Appendix (Table 7.8 and Table 7.9). Calculations via the melt cycle use
the corrected ΔGmelt from Table 4.5 and Table 4.6 in combination with ΔGE from
COSMO-RS has been used. For the sublimation cycle the crys+COSMO-RS method because
of its comparatively better performance compared to the mol+COSMO-RS method (see Table
4.10). Furthermore, the experimental sublimation free energies, ΔGsubl,exp, from Table 4.8
have been used in combination with ΔGsolv from COSMO-RS to calculate solubilities. As
measurements for naproxen have been performed at 30°C the solid-state thermodynamic
parameters (ΔGmelt and ΔGsubl) have been adjusted to 303 K. More details on the
temperature adjustments of ΔGsubl (crys) is given in a later section 4.6.1 when discussing
temperature-dependent solubility behaviour.
Figure 4.35 compares this work’s measurements and calculations of the enantiopure (left)
and racemic forms (right) of lactide at 25°C and naproxen at 30°C in mixtures of ethanol
and toluene. For both substances, the experimental solubility is significantly increased in
mixtures of the two solvents in comparison to the pure solvent systems. The maximum
solubility is obtained for lactide in a 20/80 wt% EtOH/Toluene mixture and for naproxen
in between 20/80 and 40/60 wt% EtOH/Toluene mixture. For naproxen there is an up to
16-fold increase in solubility in comparison to pure toluene. The trend is qualitatively
reproduced by the two thermodynamic cycles but the absolute solubilities vary
considerably between the various methods. There is a systematic overestimation of
solvation contributions in ethanol by the COSMO-RS model which is more pronounced
for lactide.
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Figure 4.35: (red ●) Experimental solubilities of the enantiomer and the racemic compound of
lactide (25°C) and naproxen (30°C) in mixtures of ethanol and toluene. Calculations via (◆) the
melt cycle uses temperature corrected ΔGmelt in combination with ΔGE from COSMO-RS; (Δ) the
sublimation cycle in combination with the crys+COSMO-RS method; (▲) the sublimation cycle in
combination with ΔGsubl,exp from Table 4.8 and ΔGsolv from COSMO-RS

Calculations using the exclusively computational crys+COSMO-RS method systematically
underestimate the solubilities. This is most likely due to an overestimation of the
sublimation free energies (see Table 4.9). Only for (S)-lactide the crys+COSMO-RS and the
melt cycle deliver nearly identical results. In contrary to the crys+COSMO-RS method, the
melt cycle overestimates the solubilities in most cases. As a consequence, there is not a
clear advantage of the melt cycle over the sublimation cycle, especially if experimental
sublimation free energies are used.
Further experimental and computational investigations have been conducted for (S)- and
(RS)-naproxen in mixtures of ethanol with acetonitrile (ACN) and with water as shown
in Figure 4.36. The experimental solubility of naproxen in mixtures of ethanol with ACN
follows a similar trend as for the previously discussed ethanol-toluene mixtures. The
solubility is significantly increased within solvent mixtures and is at the maximum at
around 60 wt% ethanol. In contrary to that water acts as an anti-solvent by lowering the
solubility over-proportionally.
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Figure 4.36: (red ●) Experimental solubilities of (S)-naproxen, (RS)-naproxen in binary solvent
mixtures of ethanol and acetonitrile as well as ethanol and water each at 30°C. Calculations via (
◆) the melt cycle using uncorrected ΔGmelt from Table 4.5 and ΔGE from COSMO-RS; (Δ) the
sublimation cycle in combination with the crys+COSMO-RS method; (▲) the sublimation cycle in
combination with ΔGsubl,exp from Table 4.8 and ΔGsolv from COSMO-RS.

Both non-linear solubility trends are captured qualitatively well by both cycles. In all
cases the sublimation cycle in combination with experimental sublimation free energies
gives the best results. Computational results of the melt cycle systematically overestimate
the solubilities. Similar to the ethanol-toluene mixture (Figure 4.35), the ψcrys+COSMO-RS
method underestimates the experiment. This is most likely due to the overestimation of
the sublimation free energy of both (S)- and (RS)-naproxen by 3 and 5.4 kJ·mol-1,
respectively (see Table 4.9).
In summary, it can be concluded that the sublimation cycle provides a promising
alternative to the melt cycle which performs comparably well for the studied systems.
Best results are obtained if experimental Gibbs sublimation energies are used while ΔGsubl
from crys+COSMO-RS leads to systematic underestimations. The non-linear co-solvent
behaviour within the mixed solvent systems is qualitatively captured in all cases. The
absolute mole fraction solubilities, however, are not reliable enough for crystallization
process design.
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4.4.3 Conclusions
There is no clear advantage of the melt cycle over the sublimation cycle when using
experimental melting and sublimation free energies (see Figure 4.33 and Table 4.10). The
combined crys+COSMO-RS method gives better results in comparison to the mol+COSMO-RS
method. Around 40 % of the solubilities from the crys+COSMO-RS are within the ±0.5log(x)
limits which has been suggested as within a recent solubility challenge246. The overall
computational error of the crys+COSMO-RS is equally caused by errors in the calculation of
the sublimation and solvation thermodynamics. Within the crys+COSMO-RS errors in the
calculation of ΔGsubl prevail. These are promising results regarding that crys+COSMO-RS is
exclusively based on first-principle methods and does not rely on substance specific
primary experimental data.
Solubilities of the two chiral crystals have been additionally measured within a variety of
mixed organic solvent systems for naproxen and lactide. Both thermodynamic cycles are
able to qualitatively reproduce the non-linear co-solvent behaviour (see Figure 4.35 and
Figure 4.36). However, due to an overestimation of ΔGsubl by the crys+COSMO-RS method,
solubilities are systematically.
In summary, even though the absolute sublimation thermochemistry can be calculated
with chemical accuracy by periodic DFT solubility predictions via the sublimation cycle
are not yet reliable enough for crystallization process design.

4.5 Determination of the eutectic composition in solution
For chiral compound forming systems, the eutectic composition, xeu, within the ternary
solution phase diagram (see Figure 2.2) is the key parameter for chiral separation. It can
depend on temperature, the nature of the solvent or both.43, 44, 150 In this section, the two
thermodynamic cycles are used to predict xeu for lactide, naproxen and 3ClMA in solution
using the phase transition thermodynamics from section 4.3. Experimental data of the
eutectic composition of lactide44 and 3ClMA216, 222, 223 has been taken from literature as
sufficient reliable data is available. For naproxen measurements have been performed
within pure and mixed solvent systems using experimental methods according to section
3.2.1. Besides focusing on the absolute value of the eutectic composition at 298 K, its
variation of xeu with temperature and/or the solvent, the eutectic shift Δxeu = 𝑓 (T, solvent),
is crucial for enantioseparation by crystallization. The eutectic shift with temperature is
evaluated in this section using theory and experiment. Furthermore, the influence of the
solvent on xeu is discussed.

4.5.1 Method evaluation
It was suggested before that the eutectic composition is related to the ratio between the
mole fraction solubility of the racemic compound and that of the enantiomer.43, 55 Based
on this approach a general model was constructed in this work (see eq. (23) in section
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2.2.4) that relates the eutectic composition to the difference in Gibbs free energy of
solution between the racemic compound and the enantiomer ΔRS-SΔGsol. Eq. (23) can be
solved by the two thermodynamic cycles which approximate ΔRS-SΔGsol with ΔRS-SΔGmelt
or ΔRS-SΔGsubl. Based on the same principle slightly different model was established in
the literature56 that uses lattice energy difference instead of the difference in solution free
energy (see eq. (24)).
1

0.9
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ΔRS-SElatt; ΔRS-SΔGsol,exp / kJ mol-1

Figure 4.37: The experimental eutectic composition at 298 K for several amino acids in water
plotted against the free energy difference (ΔRS-SΔGsol) from ref. 55 and the lattice energy difference
(ΔRS-SElatt) from ref. 56. This work’s eutectic estimation model (thick line, eq. (23)) is compared to
an alternative model by de la Otero Roza et al.56 (dashed line, eq. (24)). Open symbols represent
the systems evaluated in both studies.

The two slightly different models (eq. (23) and (24)) have been used in their original
work55, 56 for estimating the eutectic composition of several amino acids in water. The
results of the two models are compared in Figure 4.37 where xeu is plotted against the
(free) energy differences between the racemate and the enantiomer (solid line: eq. (23);
dashed line: eq. (24)). On one hand, the difference in Gibbs free energy of solution which
which was calculated from the experimental relative solubility from ref.55 via ΔRS-SΔGsol
= RT ln(xRS/xS) is plotted against xeu (blue circles). On the other hand, xeu is plotted against
the lattice energy difference from ref.56. Primary data of the systems that have been
evaluated in both studies55, 56 are summarized in Table 4.11. Figure 4.37 clearly shows
that the thermodynamic model of eqs. (23) correctly correlates the experimental xeu to
ΔRS-SΔGsol and thus to the experimental solubility ratios. There is a constant energy
difference between the two models of RT∙ln(2) which is - 1.72 kJ mol-1 at 298 K. This
results in a major difference between the two models. For eq. (24) xeu = 0.5 which
corresponds to an ideal conglomerate is obtained for a system with a lattice energy
difference of ΔRS-SElatt = 0 while eq. (23) requires energy difference of ΔRS-SΔGsol = - 1.72
kJ·mol-1 (at 298 K). There is a negative free energy difference for alanine and valine (see
Table 4.11 column 3). Such a system could not be handled within the model of eq. (24).
Based on the superior representation the experimental relative solubility data, eq. (23)
will be used in the following for eutectic estimations using the two thermodynamic cycles.
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Table 4.11: Systems examined in two studies55, 56 for the estimation of xeu in water from (free)
energy differences between the racemic compound and the enantiomer at 298 K. ΔRS-SΔGsol is
obtained from the relative solubilities (columns 3 and 4) via eq. (22) and (23) and ΔRS-SElatt are the
calculated lattice energy differences from literature.56
xRS,exp55
%

xS,exp55
%

ΔRS-SΔGsol,exp
kJ mol-1

ΔRS-SElatt56
kJ mol-1

(4-3)
kJ mol-1

ΔRS-SΔGcorr
kJ mol-1

xeu,exp55, 56
%

1

2

3

4

5

6

7

serine

0.86

6.37

4.95

17.22

12.3

-1.79*

99.5

histidine

0.18

0.47

2.39

4.21

1.81

-

96.9

leucine

0.14

0.32

2.11

3.97

1.97

-

94.0

alanine

3.41

3.34

-0.05

2.02

2.07

-

80.2

valine

1.13

0.92

-0.52

1.81

2.32

0.70*

72.3 ±
0.2

Substance

*calculated from the integral of the experimental solid-state heat capacities of serine239 and valine238.

There are two cases within Table 4.11 where experimental solid-state heat capacities are
available (serine239 and valine238) between 5 K and 298 K for the racemic compound and
the enantiomer. Integrals over ΔRS-SCP,s and ΔRS-SCP,s/T according to eq. (44) can be
calculated in order to determine a ΔRS-SΔGcorr which are 1.79 and 0.7 kJ·mol-1 for serine
and valine, respectively. This indicates that thermal corrections to the lattice energy are
required in order to accurately calculate xeu via the sublimation cycle. This is discussed
in more detail for lactide, naproxen and 3ClMA in the following section.

4.5.2 Eutectic composition – experiment and calculation
This section compares estimations of the eutectic composition of lactide, naproxen and
3ClMA in solution to experiment. Table 4.12 summarizes all measurements of the
eutectic composition of lactide, naproxen and 3ClMA which have been partially taken
from literature44, 216, 222, 223 and, for the sake of completeness, determined in the frame of
this work for naproxen. For all substances xeu is in the range of 85 % to 95 % and there
are some smaller deviations depending on the solvent used. For example, for lactide xeu
in ethyl acetate and isopropanol is around 93 % while 95 % in ethanol and acetone. For
naproxen solvent specific deviations are smaller and within the experimental uncertainty.
Largest differences are found for 3ClMA between water (xeu = 90 % which drastically
reduces at higher temperatures) and unpolar toluene (xeu = 93 %)
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Table 4.12. Experimental eutectic composition of lactide, naproxen and 3ClMA in various solvent
systems and temperatures. The maximum and minimum values at 25°C for each substance are
highlighted in bold.
Substance Solvent

Lactide

Naproxen

3ClMA

Toluene
Isopropanol
Acetone
Ethanol
Ethyl acetate
Ethanol
Toluene
EtOH/ACN
50/50 wt/wt
Toluene
Toluene/EA
80/20 v/v
water
water
water / IPA
90/10 wt/wt

Temperature / °C

xeu,exp / %

Literature

5 to 45
25 to 45
5 to 35
5 to 45 (25)
15 to 45 (25)
15 to 45 (25)
15 to 45 (25)
10 to 40 (25)

94
93.4
95
97.1 to 93.6 (95.0)
95.8 to 90.2 (93.2)
90.5 to 88.9 (90.1)
90.5 to 88.7 (89.9)
90.9 to 89.1 (90.0)

44

40 to 80
25 to 45

91
91.3 to 92.6

216

5 to 25 (25)
5 to 50
20 to 40

89.4 to 89.1 (89.1)
90 to 84
0.88 to 0.85

216

44
44
44
44

This study
This study
This study

216

222
223

As discussed before, eq. (23) is used for estimating xeu. It is further assumed that the
solvation is identical for the two enantiomers. In this case, the difference in excess Gibbs
free energy of mixing, ΔRS-SGE, and the Gibbs free energy of solvation, ΔRS-SΔGsolv,
cancels out. As a consequence, xeu can be estimated from different approximations of the
melting and sublimation energy differences ΔRS-SΔGmelt and ΔRS-SΔGsubl, respectively.
Figure 4.38 compares the maximum (solid line) and minimum (dashed line) values of the
experimental xeu at 298 K from Table 4.12 with the estimations via the two
thermodynamic cycles (Figure 2.10) in combination with eq. (23). The “pure” ѱmol and
the ѱcrys model are evaluated along with experimental solid-state heat capacities, Cp,exp,
in the frame of the “exp/theory" model using data from Table 4.9 (see section 2.7.2 for
details). Experimental estimates based on the sublimation cycle (Table 4.8) are compared
to those using the difference in Gibbs free energy of melting. Thermal corrections to
ΔRS-SΔGmelt are within 0 to -0.4 kJ·mol-1 (Table 4.6) and thus negligible, uncorrected
measurements have been taken from Table 4.5.
The accuracy the sublimation results cycle varies considerably and is dominated by
uncertainties in lattice energy differences. They systematically overestimate the eutectic
composition in comparison to experiment. This is consistent with previous findings for
amino acids in water56 (see Figure 4.37). The enthalpy correction, Hcorr, only contributes
significantly to xeu in the case of 3ClMA, but combined with the entropic differences the
effects add up accounting for up to 4 kJ·mol-1 to ∆RS-S∆Gsubl and thus effect the eutectic
composition for all three substances (see Table 4.9 for primary data). The combination of
electronic structure calculations and experimental thermal corrections within the
“exp/theory” (ѱcrys) model, ∆RS-S∆Gsubl,exp/theory, gives the best estimates of xeu in case
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thermal corrections are regarded. These results correlate well with results using
experimental sublimation free energies from vapor pressure measurements,
∆RS-S∆Gsubl,exp41, 230. However, the pure lattice energies of the ψcrys model give the best
overall accuracies which questions their precision as thermal corrections cannot be
neglected for all three molecules.
The results for xeu using the melt cycle and hence the difference in the free energy of
melting, ∆RS-S∆Gmelt, are comparable to the sublimation cycle for lactide only. However,
for naproxen, where both the racemic and enantiopure crystals have almost the same
melting temperature and enthalpies, the melt cycle significantly underestimates the
energy difference and hence the eutectic composition.

Figure 4.38: Estimation of the eutectic composition via eq. (24) using different ways to obtain
∆RS-S∆Gsol. Calculations of ∆RS-S∆Gsubl with the ψmol and ψcrys model are compared to eutectic
estimations using experimental sublimation and melting enthalpies and free energies as well as
free energy differences that have been determined from experimental solubilities, ∆RS-S∆Gsubl,solub
(see Appendix, Table 7.7). The coloured lines correspond to the maximum (solid line) and
minimum (dashed line) values of xeu measured in various solvent systems at 298 K (Table 4.12).
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Estimates of xeu are slightly more accurate when using free energy differences from
measured solubilities of the enantiomer and the racemate, ∆RS-S∆Gsol. They are equivalent
to the recalculated sublimation free energies, ∆RS-S∆Gsubl,solub, from Table 4.8. The values
from solubility measurements agree with the experimental value derived from vapor
pressure which differ only by 0.1 kJ mol-1 for lactide and 1.4 kJ mol-1 for naproxen.
However, they depend on the nature of the solvent system and vary between 0.06-0.23 kJ
mol-1 which is indicated by error bars in Figure 4.38. The solvent effect is in the same
order of magnitude as the experimental variation of xeu different solvents at 298 K for
lactide while it is overestimating for naproxen and 3ClMA (see Table 4.12). This indicates
that there is a solvent effect on the eutectic composition, and that the solutions of the three
molecules involved are not ideal.
The relatively good performance of the sublimation cycle suggests that predictions of xeu
via the difference in sublimation free energy can be used as a guidance for the design of
enantioseparation processes. However, energy differences have to be calculated precisely
and thermal corrections should not be neglected. In case energy differences are very large,
the eutectic composition is likely to large and close to the pure enantiomer. If energy
differences are small thermal corrections play a crucial role as in this range the
thermodynamic model of eq. (23) is sensitive to errors. As a consequence, changes of the
energy difference with temperature are more likely to affect xeu which in could be
exploited for separating enantiomers by a two-step crystallization process.44 The variation
of the eutectic composition with temperature and the solvent is discussed in more detail
in the following section.

4.5.3 Variations of the eutectic composition
A variation of the eutectic composition (eutectic shift), Δxeu, is of interest for separating
enantiomers by crystallization. A two-step process has been suggested in literature which
exploits a shift of the eutectic composition when changing the temperature or solvent
system.44, 216 Hereby, the productivity depends on the position of the eutectic and the
magnitude of the shift.44 According to eq. (23) a variation of the eutectic composition is
related to a change in the Gibbs energy of solution difference between the enantiomer and
the racemate, ∆RS-S∆Gsol (see eq. (67)). Consequently, is a function of temperature and the
solvent.
xeu = f (T , solvent ) =

1
 
1
1 + exp  −2
4


T , solvent

 RS − S Gsol 

RT


(67)

The eutectic shift can be computationally estimated if ∆RS-S∆Gsol is described by either
one of the two thermodynamic cycles (see Figure 2.10). Consequently, if the
solventdepending terms are assumed to be identical for the enantiomer and the racemic
compound, Δxeu can be estimated by via the sublimation cycle by ∆RS-S∆Gsubl. According
to eqs. (43) and (44) a temperature variation of ∆RS-S∆Gsubl is related to the temperature
dependence of the solid-state heat capacity difference between the racemic and
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enantiopure crystal, ΔRS-SCP (T). In the following, experimentally determined eutectic
shifts with temperature are compared to calculations using this work’s experimental heat
capacity differences (see Figure 4.24).
Literature results of the eutectic shift of lactide and 3ClMA have been summarized before
in Table 4.12 along with this works results for naproxen. The naproxen results are
additionally summarized in Figure 4.39. All primary experimental data on this work’s
measurements are given in Appendix (Table 7.14).

Figure 4.39: Eutectic composition of chiral naproxen in several pure solvents and binary solvent
mixtures in between 10 °C and 45 °C.

For naproxen, there is a noticeable shift of xeu in the temperature range of 10 °C and 45
°C which seems to be nearly independent to the solvent system (see Figure 4.39). The
binary melt phase diagram suggested the formation of partial solid-solutions close to the
pure enantiomer and the racemic compound (see section 4.3.2). This was obtained when
mixtures of (S)- and (R)-naproxen crystallized from the melt as well as from acetone
solution (see Figure 4.18). The XRPD patterns of the separated equilibrated solid phase
from the measurements of the eutectic composition of naproxen show the presence of a
mixture of both crystals (enantiomer and racemate) (see Appendix, Figure 7.1).
However, close-ups of parts of the spectra (see Figure 4.40) reveal slight shifts of one
reflection ~23° for some of the studied mixed solvent systems. It has been previously
shown in section 4.3.2 that these shifts are evoked by the formation of partial
solidsolutions when crystallized from the melt (see Figure 4.20) as well as from acetone
solutions (see Figure 4.19). Effects of the partial solid-solutions on the spectra within
Figure 4.40 are small and difficult to identify. In any case the formation of partial
solidsolutions of naproxen appears to have no significant effect on the experimental
eutectic composition and its shift with temperature (Figure 4.39). However, parts of the
experimental uncertainties can potentially be attributed to that.
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Figure 4.40: Extract of the XRPD pattern of the equilibrated solid phase from measurements of
the eutectic composition reveals mixtures of (S)- and (RS)-naproxen. One peak is marked, which
is shifted in some cases indicating the formation of partial solid-solutions within the racemic
crystal.

In summary, a shift of xeu with temperature (eutectic shift Δxeu) has been estimated for all
three substances (see Table 4.12). As discussed before, in theory those are related,
according to eq. (67), to temperature integrals of the solid-state heat capacity difference
between the racemic and enantiopure crystal, ∆RS-SCP(T)dT. Hence, integrals of this
work’s high temperature DSC heat capacity measurements (Figure 4.24) were used to
calculate the change of ∆RS-S∆Gsubl within a temperature range of 20 K. This results in a
ΔT1-T2∆RS-S∆Gsubl which can subsequently used to calculate Δxeu(T) via eq. (67).
There is a small temperature effect on the Gibbs free energy sublimation differences for
all three substances resulting in a ΔT1-T2∆RS-S∆Gsubl which is large enough to affect the
eutectic composition. These calculated shifts are shown in Figure 4.41 in comparison to
experimental data (see Table 4.12). Primary data on ΔT1-T2∆RS-S∆Gsubl and the resulting
eutectic shifts with temperature are given in Appendix Table 7.21. For all three molecules
the estimations capture the trend from the experiments which shows a decreasing xeu with
temperature for lactide and naproxen and an increasing xeu for 3ClMA. Those shifts of
the eutectic cannot be estimated by any of the computationally methods (ѱmol or ѱcrys)
since they are not able to give a temperature-dependent heat capacity difference in this
range of temperature (see Figure 4.24).
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Figure 4.41: The shift of the eutectic composition with temperature, ∆xeu,calc(T2-T1), (T1 = 298 K
to T2 = 318 K) compared to (●) experimentally determined eutectic shifts, ∆xeu,exp (T2-T1). The
eutectic shift is calculated for lactide in EA, 3ClMA in Toluene/EA mixture (80w%/20w%) and
for naproxen in ethanol (see Table 4.12 for details). The variation of the eutectic shift of naproxen
in several solvent systems is indicated by a green shaded area.

Hence, shifts of the eutectic composition with temperature can arise from differences in
the heat capacities at process relevant temperatures. Those require a difference in the
higher frequency “molecular modes” which are visible in the Raman spectra of the two
crystals (see Figure 4.26). Besides that, Δxeu(T) can be as well evoked by a different
thermal expansion of the enantiopure and racemic crystal which was neglected within this
work’s ѱmol and ѱcrys calculations.
The challenge of modelling the eutectic shift is closely related to the exponential
sensitivity of ΔRS-SΔGsubl and xeu over a small energy range. The examples studied all
show similarly high values of xeu. However, the same variety of changes of xeu in different
solvent systems and the presence and absence of a eutectic shift is found for chiral systems
having lower eutectic compositions. These systems should in principle be more sensitive
to a change in the free energy difference due to a change in the heat capacity difference
or solvent effects. For example, even though propranolol hydrochloride has a very low
eutectic composition of xeu = 55 % it does not vary with temperature within two different
solvents.5 On the other hand for xeu of 2ClMA, an isomer of this works 3ClMA which has
a significantly smaller eutectic composition as 3ClMA, varies in different solvent247.
Affected by its low eutectic composition it even forms a metastable conglomerate from
both melts and solutions. In contrast to 2- and 3-ClMA, the eutectic composition of
mandelic acid is stable at xeu = 69 % and shows no variation in numerous solvents and
temperatures.5 This is especially surprising as mandelic acid has a difference in heat
capacity between the racemic and enantiopure crystal which is dependent on temperature
which has been shown in this work (see Figure 4.24) and in literature235. This has to be
explained by a cancellation of different effects. Thus, for explanation of the mandelic acid
examples and cases where very large shifts of the eutectic composition temperature have
been found (e.g. from 0.94 to 0.85 between 1 and 60 °C for methionine in water248) a
reliable prediction method will require great accuracy in all contributions including
effects of the solvent.
As a consequence, further experimental studies have been performed for naproxen to
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further study the solvent effect on xeu. Therefore, xeu was measured in a variety of solvent
mixtures at one temperature (303 K). All primary data is summarized in Appendix (Table
7.15). It has been shown before (Figure 4.35 and Figure 4.36) that for mixtures of ethanol
with toluene, acetonitrile and ethyl acetate show a maximum solubility in the binary
mixture of the solvents. Water however works as an anti-solvent and decreases the
solubility drastically (see Figure 4.36). The eutectic composition was measured within
the same solvent mixtures. In all the cases the addition of a second solvent to ethanol only
slightly effects the eutectic composition with changes of xeu below Δxeu = 1 %. Based on
the above, it can be summarized that the eutectic composition and its shift with
temperature of naproxen in solution mostly related to solid-state properties only
(difference in lattice energies and thermal corrections).

Figure 4.42: Eutectic composition of naproxen in solution with binary solvent mixtures of ethanol
with toluene, acetonitrile, ethyl acetate and water.

However, it was shown before that the eutectic composition and its temperature
dependence ∆xeu(T) is not a solid-state property alone.44 In that case accurate prediction
models will have to consider the difference in solvation free energies in the racemic and
enantiopure solution. This implies consideration of the non-ideality of the solution in
terms of the specific molecule and its solvent as well as solute-solute interactions between
the two enantiomers in solution. The influence of solute-solute interactions on the
temperature dependency of the absolute as well as relative solubility between the
racemate and enantiomer is evaluated in the following section 4.6 for lactide as well as
naproxen.
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4.5.4 Conclusions
The two thermodynamic cycles have been used to calculate the eutectic composition of
lactide, naproxen and 3ClMA at 298 K via a rather simple thermodynamic approach
which uses approximations of the solution free energy difference (see eq. (23)). Best
results are obtained when the ѱcrys electronic structure calculations (Elatt and ΔEZPE) and
thermal corrections within the “exp/theory” (ѱcrys) model are combined (Figure 4.38).
However, the pure lattice energy differences of the ѱcrys model give surprisingly good
estimated of xeu even though thermal corrections are relevant for all three molecules (see
Figure 4.30). The comparatively good performance of the sublimation cycle suggests that
predictions of xeu via the difference in sublimation free energy can be used as a guidance
for the design of enantioseparation processes. Two general statements can be formulated:
(1)
A large energy difference is related to a eutectic composition close to the pure
enantiomer. On the contrary, if energy differences are small, xeu is likely to be closer to
the racemate.
(2)
For small energy differences thermal corrections play a crucial role, because the
thermodynamic model of eq. (23) is sensitive to errors.
It was shown, that temperature-dependent heat capacity differences between the
enantiomer and the racemic compound ΔRS-SCP are shown to be able to stimulate shifts of
the eutectic composition with temperature, Δxeu (see eq. (67)). For all three substances
there is a small temperature effect of ΔRS-SCP on the Gibbs free energy sublimation which
is large enough to affect the eutectic composition (see Figure 4.41). All computational
methods, however, fail to reproduce experimental temperature-dependent ΔRS-SCP at
temperatures relevant for modelling SLE (see Figure 4.24). Besides the mentioned
solidstate effects, influences of the solvent were experimentally investigated for naproxen
in various solvent mixtures. Experimental studies indicate that Δxeu of naproxen is almost
independent of the solvent and furthermore not noticeably affected by the formation of
solid-solutions (see Figure 4.39 and Figure 4.41). This supports the hypothesis that ∆xeu
for naproxen is exclusively a solid-state property. However, there are many cases in
literature where ∆xeu is affected by the solvent and thus not a solid-state property alone.
For example, there is an influence of the solvent on the temperature dependency of Δxeu
for lactide (Table 4.12). This is investigated in more detail in the following section 0,
along with the general temperature dependence of absolute and relative solubilities of
chiral substances.

4.6 Temperature dependence of the absolute and relative solubility

For a crystallization process a given target substance should have a high solubility in
order to enable high productivities. Additionally, in case crystallization is conducted by
temperature variation (cooling crystallization), a strong temperature dependency of the
solubility is required for achieving high yields. According to eq. (25) the temperature
dependency of the solubility is characterized by its solution enthalpy. In a concentrated
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solution, besides concentration-independent interactions (solute-solvent) as well
concentration-dependent interactions (solute-solute) affect the solubility and its
temperature dependence.
Within this section at first the accuracy of the two thermodynamic cycles to calculate the
solution enthalpies was evaluated for chiral lactide and naproxen. In order to work out
error sources, computations were compared results from a broad experimental
investigation of solubilities in a variety of pure and mixed solvent systems at different
temperatures. In a second part solvent-independent transfer energies (melting and
sublimation) as well as solvent-solute and solute-solute interaction energies on the
solution enthalpies were examined in detail. It was investigated, whether solute-solute
interactions in solution affect the absolute as well as the relative temperature-dependent
solubilities.

4.6.1 Temperature-dependent melting and sublimation free energies
For calculating temperature-dependent solubilities of naproxen and lactide, the solvent
independent ΔGmelt (T) and ΔGsubl (T) within the melt and the sublimation cycle are
required, respectively. They are evaluated within this section for the temperature range in
which solubilities were measured.
Melting enthalpies and temperatures from Table 4.5 have been used in combination with
thermal corrections, in order to determine a temperature-dependent ΔGmelt (T). Therefore,
ΔHmelt and ΔSmelt have been corrected from melting to solution temperature using the heat
l
s
capacity difference between the melt and the solid ΔCl-s
P =CP -CP from Table 4.6,
according to eq. (33). The experimental heat capacities from Table 4.6 can either be
assumed to be temperature-independent, or they can be determined from the temperaturedependent solid state as well as the linearly extrapolated heat capacities of the melt. In
order to account for the uncertainties within the two correction methods the average of
the two methods has been used while their difference is regarded as an experimental error.
For the sublimation cycle, the ѱcrys method has been used to calculate the temperaturedependent sublimation free energies ΔGsubl (T). The sublimation enthalpies and entropies
at 298 K from Table 4.9 have been adjusted to the various solution temperatures by using
the ideal gas and solid-state heat capacities from the ѱcrys method according to section
2.7.2. As an experimental counterpart, an experimental ΔGsubl,exp (T) has been determined
directly from the experimental vapor pressures of lactide230 and naproxen (see Figure
4.27). For that purpose, vapor pressures have been extrapolated from measurement
temperature (naproxen: 390 K and 420 K; lactide: 320 K and 380 K) to solution
temperature (283 to 318 K) using eq. (66). The temperature-dependent experimental
sublimation free energies are compared to the computations from the ѱcrys method in
Figure 4.43.
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Figure 4.43: Temperature-dependent sublimation Gibbs energies for (a) lactide and (b) naproxen
from (●) experimental vapor pressures41, 230 and (▲) calculations using the ѱcrys method. Solid
symbols and lines correspond to the enantiomer and open symbols and dashed lines to the racemic
compound.

Calculations of ΔGsubl (T) using the ѱcrys method are generally in good agreement to
experiment. There are larger differences for the racemic crystals. This is consistent with
the comparably large differences between the calculated and experimental sublimation
enthalpies for (RS)-lactide and (RS)-naproxen (see Table 4.9).

4.6.2 Solution enthalpies of lactide and naproxen
Temperature-dependent solubilities have been measured by means of isothermal
solubility method according section 3.2.1. They have been performed for both chiral
species of lactide as well as naproxen within a temperature range of 10 to 45 °C in a
variety of pure and mixed solvent systems. All numeric values of the experimental mole
fraction solubilities are summarized in Appendix (Table 7.10 and Table 7.11).
Calculations have been performed by combining the free energies of melting and
sublimation from the previous section 4.6.1 with the solvent specific ΔGE (T) and
ΔGsolv (T) from the COSMO-RS model. The TZVPD-Fine parameterization has been used
for all calculations. For rigid lactide, only one molecular conformation was considered.
For naproxen, the four conformations according to Figure 4.32 have been weighted within
a Boltzmann distribution according to eq. (64). For both cycles, calculations have been
performed at infinite dilution, as well as at saturation concentrations. Additional
information on the COSMO-RS model and its application within the two thermodynamic
cycles is given in section 2.7.4.
The experimental apparent solution enthalpies, ΔHsol, as well as the computational
solution enthalpies at infinite dilution and at saturation concentration, ΔHsol,inf and ΔHsol,
have been extracted from the experimental and calculated solubilities. According to Van’t
Hoff (see eq. (25)) the apparent solution enthalpy is related to the slope (ΔHsol = -R·slope)
of the temperature dependency of ln xi over the reciprocal temperature, 1/T. In order to

Results and Discussion

121

minimize numerical issues when extracting ΔHsol via eq. (25) the computations have been
performed at the same temperatures as the experimental values. The resulting ΔHsol are
summarized in Appendix (Table 7.10 and Table 7.11) along with the primary
experimental mole fraction solubilities.
Figure 4.44 compares the calculations via the sublimation and melt cycle to the
experimental solution enthalpies. The overall accuracy expressed as the root-mean-square
error (RMSE) between the calculations and the experiment is 9.3 kJ·mol-1 for the melt
cycle in case solute-solute interactions are considered and 10.7 kJ·mol-1 if infinite dilution
is assumed. On the other hand, the sublimation cycle predicts the solution enthalpy with
a RMSE of 6.5 kJ·mol-1 and in case solute-solute interactions are neglected with a RMSE
of 8.1 kJ·mol-1. Thus, the sublimation cycle calculations of the solution enthalpies are
slightly more accurate in comparison to the melt cycle results. For both thermodynamic
cycles the accuracy is improved if the concentration dependence of solvation terms is
considered. Furthermore, there is a tendency that the melt cycle underestimates the
solution enthalpy (see Figure 4.44).

Figure 4.44: Calculated versus experimental apparent solution enthalpies for naproxen (green
symbols) and lactide (blue symbols) in a variety of pure and mixed solvent systems. Calculations
via the melt cycle (□) and the sublimation cycle (Δ) use the temperature-dependent experimental
melting and calculated sublimation free energies of the ѱcrys method as well as the solvent specific
ΔGE and ΔGsolv from the COSMO-RS model.

In order to evaluate error sources, the accuracy of the COSMO-RS model to model HE
and ΔHsolv was evaluated. Therefore, “experimental” HEexp and ΔHsolv,exp have been
recalculated from the experimental solution enthalpies as well as the experimental
melting and sublimation enthalpies according to eqs. (37) and (46), respectively. The
corrected ΔHmelt (298 K) according to Table 4.5 and Table 4.6 as well as ΔHsubl (298 K)
from Table 4.8 were used, as 298 K is approximately the average temperature of the
experimental solubilities. The calculations of HE and ΔHsolv are compared to the
experimental values within Figure 4.45 (a) and (b), respectively. While the excess
enthalpies take positive as well as negative values the solvation enthalpies are exclusively
negative and significantly larger in size. The RMSE of the ΔHsolv,calc is 7.2 kJ·mol-1 which
is slightly larger than the overall computational error for ΔHsol (6.5 kJ·mol-1). Sublimation
enthalpies are calculated with an accuracy of RMSE of 3.6 kJ·mol-1 by the ѱcrys method
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(see Table 4.9). Hence, the largest part of the overall computational error for calculating
ΔHsol via the sublimation cycle is most likely attributed to the computation of the
solvation energies using COSMO-RS. Within the melt cycle, all errors are related to the
calculations of HEcalc as the solubilities are calculated using the same experimental
melting properties as for recalculating of HEexp. Consequently, the overall RMSE of the
melt cycle is the same as of the calculated excess enthalpies (RMSE = 9.3 kJ·mol-1).

Figure 4.45: Calculated versus experimental (a) excess enthalpies and (b) solvation enthalpies for
naproxen (green symbols) and lactide (blue symbols).

Additionally, methodical uncertainties can arise when extracting the apparent solution
enthalpies from the experimental and calculated solubilities via the Van’t Hoff equation.
The Van’t Hoff solution enthalpy incorporates changes of the activity coefficient of the
solute with temperature but neglects the change in activity with concentration at constant
temperature.59 Hence, it is comparable but not necessarily equal to the true enthalpy of
solution at saturation concentration. Especially for larger temperature ranges the
temperature dependency of ln xi can exhibit a distinct non-linear behaviour which the
Van’t Hoff equation is only in parts able to account for.57 However, within the systems at
hand there are no cases with a pronounced non-linear behaviour of ln x over 1/T. Effects
of solution non-idealities on the temperature dependence of the absolute as well as relative
solubilities are discussed in more detail in the following parts.

4.6.3 Analysis of energy contributions to the solution enthalpies
Within this section the various energy contributions to the solution enthalpies and thus to
the temperature dependency of the solubilities are examined for lactide and naproxen.
Experimental and calculated solution enthalpies at infinite dilution and at saturation
concentration are systematically compared. This makes it possible to extract the various
solvent independent and solvent specific contributions to ΔHsol.
As discussed before ΔHsol has been determined from the experimental as well as
calculated solubilities via the equation of Van’t Hoff (see eq. (25)). Calculations have
been performed at infinite dilution to obtain ΔHsol,inf or at saturation concentration to
obtain ΔHsol. As experimental counterpart to the calculated solution enthalpies at infinite
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dilution, calorimetric dissolution measurements have been performed in order to extract
and experimental ΔHsol,inf. This is discussed in the following section. They are
subsequently used in order to quantify and evaluate solvent specific interaction in
solution.

Solution calorimetry
Dissolution enthalpies were measured for the diluted system by solution calorimetry
according to section 3.2.4 in order to extract experimental solution enthalpies at infinite
dilution. Within this section measurements of ΔHsol,inf are presented and discussed. All
primary data on the caloric dissolution measurements and the final ΔHsol,inf are
summarized in Appendix (Table 7.12 and Table 7.13).
Caloric measurements of the dissolution the diluted solution have been performed at 30
°C. Three to four measurements at varying concentrations have been performed for each
compound and solvent in order to extrapolate a ΔHsol,inf at x = 0 for (S)- and (RS)- lactide
as well as (S)- and (RS)-naproxen. On the one hand, sufficient amount of substance is
required within the caloric measurements in order to get a reliable thermal response. On
the other hand, the final solution concentrations should be significantly lower, in
comparison to saturation concentrations (solubility line), to obtain solution enthalpies for
the diluted system. As a consequence, it is beneficial if saturation concentrations are high.
In order to perform experiments sufficiently far away from the solubility line.

Figure 4.46: Caloric measurements of the dissolution of different amounts of (S)- and (RS)-lactide
in toluene at Tref = 303 K. Linear extrapolations to x = 0 give the solution enthalpy at infinite
dilution ∆Hsol,inf.

For lactide, calorimetric investigations have been performed for the diluted toluene
system. The results of the dissolution of (S)- and (RS)-lactide in toluene at T = 303 K are
presented in Figure 4.46. Due to the more stable crystal structure, the racemic compound
has larger solution enthalpies. Additionally, the dissolution enthalpies of (RS)-lactide
show a significantly larger concentration dependency. This could be due to the lower
solubility of the racemic compound in comparison to the enantiomer. Thus, the caloric
measurements have been evaluated once only for the linear part until 0.6 mol% and a
second time for the whole concentration range. The difference between the two
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extrapolated values at x = 0 is incorporated to the overall experimental uncertainty of
ΔHsol,inf. For (S)-lactide saturation concentrations at 303 K are 4.1 mol% and thus far from
the solution concentrations in the dissolution experiments (see x-axis in Figure 4.46).
However, even though the measurements are linearly extrapolated to x = 0 it is likely that
the final ΔHsol,inf incorporate parts of the concentration-dependent excess enthalpies.
For chiral naproxen, measurements have been performed in pure ethanol and in solvent
mixtures of ethanol with toluene (20/80 wt% EtOH/Toluene), with water (75/25 wt%
EtOH/H2O) and with acetonitrile (50/50 wt% EtOH/ACN). The results are summarized
in Figure 4.47.

Figure 4.47: Caloric measurements of the dissolution of different amounts of (●) (S)- and (○)
(RS)-naproxen in pure and mixed solvent systems at Tref = 303 K. Linear extrapolations to x = 0
give the solution enthalpy at infinite dilution ∆Hsol,inf.

All experiments have been performed for concentrations far below saturation
concentrations. Within all solvent systems a linear behaviour of the concentration
dependency was assumed. The extrapolations to x = 0 are used in the following as
experimental solution enthalpies at infinite dilution, ΔHsol,inf. The experimental
uncertainties from the linear least squares regression appear to be larger for the racemic
crystal which is possibly due to the lower saturation concentrations and thus slower
dissolution kinetics.
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Temperature-dependent solubilities of chiral lactide
Figure 4.48 compares the experimental and calculated solubilities for lactide in ethanol
as well as toluene between 10 and 45 °C. In all cases, (RS)-lactide has a significantly
lower solubility than (S)-lactide. Thus, differences between the calculations at infinite
dilution and saturation concentration are less obvious for the racemic system and only
affect the solubilities at elevated temperatures. On the contrary, the calculated solubilities
of (S)-lactide in ethanol and toluene are significantly affected by solute-solute interactions
within both thermodynamic cycles due to higher saturation concentrations compared to
(RS)-lactide. As a consequence, concentration dependent solute-solute interactions affect
as well the relative solubilities between the enantiomer and the racemic compound.

Figure 4.48 (○,●) Experimental solubilities, ln x, of lactide in ethanol and toluene as a function of
the reciprocal temperature, 1/T, in comparison to calculations via the (left) melt cycle and (right)
sublimation cycle. Calculation at (Δ,▲) infinite dilution and (□,■) at saturation concentration are
displayed. Open symbols and dashed lines correspond to (RS)-lactide and solid symbols and solid
lines to (S)-lactide.

For a quantitative evaluation, solution enthalpies have been extracted from the
experimental and calculated solubilities in Figure 4.48 via the Van’t Hoff method. The
absolute values, as well as their differences, are summarized together with the
experimental ΔHsol,inf and the temperature corrected ΔHmelt in Table 4.13. They are
compared against the experimental ΔHsol,inf from solution calorimetry (see Figure 4.47)
and the temperature corrected ΔHmelt in order to evaluate the solvent effect on the solution
enthalpies.
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Table 4.13: Melting enthalpies of (S)- and (RS)-lactide and their differences Δ(RS-S) in
comparison to ΔHsol,inf as well as ΔHsol in ethanol and toluene from calculations and experiment.
Solvent

ethanol

toluene

a.
b.

solute

Melt Cycle

Sublimation Cyclea

Experiment

ΔHsol,inf

ΔHsol

ΔHsol,inf

ΔHsol

ΔHmelt
(30 °C)

ΔHsol,infb
(30 °C)

ΔHsol

(S)

14.7

23.8

20.9 (29.7)

33.6 (47.4)

10.5±0.2

n.a.

40.2

(RS)

23.9

27.5

23.9 (27.5)

25.2 (42.4)

19.5±0.7

n.a.

35.6

Δ(RS-S)

9.3

3.6

2.9 (5.4)

-8.3 (-4.8)

9.0±0.5

-

-4.7

(S)

16.2

26.1

22.9 (31.7)

69.1 (49.7)

10.5±0.2

21.8±0.2

25.2

(RS)

25.6

28.2

25.9 (37.1)

26.9 (42.3)

19.5±0.7

24.7±1.0

24.5

Δ(RS-S) 9.4
2.1
2.9 (5.4)
-42.2 (-7.4) 9.0±0.5
2.9±1.0
-0.7
Values in bracket correspond to calculation using ΔGsubl,exp instead of ΔGsubl,calc (ѱcrys) (see Figure
4.43) in combination with ΔGsolv from COSMO-RS
ΔHsol,inf determined by solution calorimetry for the diluted system according to section 3.2.4.

There are two main conclusions that can be extracted from the experimental results in
toluene. For the sake of clarity, they are additionally illustrated in Figure 4.49. On one
hand, the absolute solid-liquid phase transition enthalpies steadily increase from the
solvent free system via the diluted solution to saturation concentration for both (S)- and
(RS)-lactide. On the contrary, the enthalpy differences Δ(RS-S) decrease significantly
from ΔRS-SΔHmelt = 10.5 kJ·mol-1 to ΔRS-SΔHsol = -0.7 kJ·mol-1. The solution calorimetry
measurements for the diluted systems give an enthalpy difference ΔRS-SΔHsol,inf of 2.6
kJ·mol-1 which is in between ΔRS-SΔHmelt and ΔRS-SΔHsol. Based on the above, it can be
concluded that concentration-dependent solution non-idealities contribute to the solution
enthalpies of lactide in toluene.

Figure 4.49: Melting enthalpies corrected to 30 °C (ΔHmelt) in comparison to the calorimetrically
determined solution enthalpies at infinite dilution (ΔHsol,inf), as well as Van’t Hoff solution
enthalpies (ΔHsol) in toluene; (black bars) (S)-lactide, (white bars) (RS)-lactide; differences
Δ(RS-S) (red bars).

This has been qualitatively observed as well in the calculations (see Table 4.13). Within
both cycles, the calculated solution enthalpies are larger at saturation concentration in
comparison to the infinite dilution. Conversely, the differences decrease and, in case of
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the sublimation cycle, even switch sign due to solute-solute interactions in solution. The
effect of solute-solute interactions on the solution enthalpy differences between (S)- and
(RS)-lactide is slightly more severe in ethanol where experimental ΔRS-SΔHsol = -4.7
kJ·mol-1 (see Table 4.13). T This trend is well captured by the calculations via the
sublimation cycle and can be clearly attributed to modelling of solute-solute interactions
in solution. The calculated saturation concentrations from the melt cycle are smaller than
those of the sublimation cycle (see Figure 4.48). As a consequence, the enthalpy
difference is affected slightly less and changes from 9.3 to 3.6 kJ·mol-1.
As discussed before, the calorimetric measurements in toluene are likely to incorporate
parts of the concentration effects. In theory, the solution enthalpy differences for the
infinite dilution should be equal to the melting enthalpy differences as the studied solvents
are achiral. There are other possible explanations for the rather large differences between
the melting and dissolution enthalpy differences. For example, measurement errors of the
experimentally determined melting enthalpies could be responsible for parts of the
differences. This work’s uncorrected melting enthalpy differences are ΔRS-SΔHmelt (Tmelt)
= 11 kJ·mol-1 and thus slightly larger than the 8 kJ·mol-1 from literature221 (see Table 4.5).
Additionally, the thermal corrections slightly decrease the enthalpy differences from 11
kJ·mol-1 at Tmelt to 9.0±0.5 kJ·mol-1 at Tref. Yet, the accumulated uncertainties are not the
only explanation for the large difference between ΔRS-SΔHmelt and ΔRS-SΔHsol,inf. Thus,
despite several possible sources of error, there is strong evidence that solute-solute
interactions affect the solution enthalpy of lactide in toluene as well as in ethanol.

Figure 4.50: COSMO-RS calculations of the concentration and temperature dependency of the
Gibbs energy difference between saturation concentration and infinite dilution, ΔGconc, for lactide
in ethanol and toluene. The three lines represent calculations at 15, 30 and 45 °C for each solvent.

In theory, solute-solute effects in solution require that the solvent specific terms are a
function of the solution concentration. Within the COSMO-RS model the concentration
dependency of the excess Gibbs free energy of mixing, ΔGE, as well as the Gibbs free
energy of solvation ΔGsolv is incorporated within the chemical potential in solution (see
2.7.3). The chemical potential of the solute in solution is a function of the activity
coefficient in solution. Thus, the absolute concentration dependent Gibbs energy
contribution to ΔGE and ΔGsolv is related to the difference between the chemical potential
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of the solute i at saturation concentration and at infinite dilution ΔGconc = RT·ln (γi / γi,inf).
The COSMO-RS results of ΔGconc for lactide in ethanol and toluene are depicted in Figure
4.50. Within both solvents ΔGconc is significantly affected by the solution concentration
while effects of the temperature are rather small. This strengthens the suspicion that
concentration-dependent solute-solute interactions are responsible for the above
discussed effects on the solution enthalpies.
In summary, within both solvent systems the calculated temperature dependence of the
solubilities is affected by solute-solute interactions which could be qualitatively validated
for toluene by experiment using solution calorimetry. The strong solute-solute
interactions within the saturated ethanol solution which influences the relative solubility
of (S)- and (RS)-lactide could be one source for the comparably large shift of the eutectic
concentration with temperature that has been observed225 in ethanol (see Table 4.12).
However, such a shift has not been detected within the lactide-toluene system. This is
surprising as the overall solubility of lactide in toluene is slightly larger in comparison to
ethanol. This can only be explained by a cancellation of the various effects or an incorrect
description of the solution interactions of lactide in toluene.

Temperature-dependent solubilities of chiral naproxen
Temperature-dependent solubilities have been studied for naproxen in pure toluene,
ethanol and in a 20/80 wt% mixture of ethanol and toluene. The experimental and
calculated solubilities are depicted in Figure 4.51. For all solvent systems the sublimation
cycle significantly underestimates the absolute solubilities of the two chiral crystals. This
is due to an overestimation of sublimation Gibbs energies by the ѱcrys method, especially
for (RS)-naproxen (see Table 4.9). As a consequence, differences between the
calculations at infinite dilution and at saturation concentration rather small in comparison
to the melt cycle results. However, even though the melt cycle calculates significantly
larger solubilities, the calculations at infinite dilution and at saturation concentration are
hardly distinguishable at the scale in Figure 4.51. As a consequence, for both
computational methods only the calculations at saturation concentration are displayed.

Figure 4.51: Solubilities, ln x, of naproxen in toluene, ethanol and in 20/20 wt% ethanol/toluene
mixture as a function of the reciprocal temperature 1/T. (○,●) Experimental results are compared
to calculations via the (□,■) melt and the (Δ,▲) sublimation cycle. Open symbols and dashed
lines correspond to (RS)-naproxen and solid symbols and solid lines to (S)-naproxen.
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The strong overestimation of the free energy difference between the racemic compound
and the enantiomer by the ѱcrys method results in an overestimation of the calculated
solubility differences. On the contrary, the melt cycle is not able to resolve the
experimental solubility difference between (S)- and (RS)-naproxen due to the very similar
melting behaviour of the two chiral crystals (see Table 4.5). In case solubility differences
are small, the relative solubilities should be affected less by concentration-dependent
effects.
For a quantitative evaluation, solution enthalpies have been extracted from the
experimental and calculated solubilities in Figure 4.51 via the Van’t Hoff method. The
absolute values as well as their differences are summarized together with the experimental
ΔHsol,inf and the temperature corrected ΔHmelt in Table 4.14. They are compared against
the experimental ΔHsol,inf from solution calorimetry (see Figure 4.48) and the temperature
corrected ΔHmelt, in order to evaluate the solvent effect on the solution enthalpies.
Previously, when studying the absolute solubilities of naproxen within the tolueneethanol system (see Figure 4.35 in section 4.4.2), it was shown that the SLE of both chiral
crystals of naproxen exhibit a strong non-linear solubility behaviour. The highest
solubility occurs in between 20/80 and 40/60 wt% of ethanol/toluene mixture. Conversely
to the absolute solubilities, the solution enthalpy is largest within pure toluene and
smallest for the 20/80 wt% ethanol/toluene solvent mixture (see Table 4.14). Nonetheless,
the significant increase in solubility within the solvent mixture seems not to evoke
concentration-dependent effects in solution that noticeably change the solution
enthalpies.

Table 4.14: Melting enthalpies of (S)- and (RS)-naproxen and their differences Δ(RS-S) in
comparison to ΔHsol,inf as well as ΔHsol in ethanol, toluene and mixtures of both from calculations
and experiment.
Solvent

Toluene

Etoh/Tol
(20/80)

Ethanol
a.
b.

Melt Cycle

Sublimation Cyclea

Experimentb

ΔHsol,inf

ΔHsol

ΔHsol,inf

ΔHsol

ΔHmelt
(30 °C)

ΔHsol,inf
(30 °C)

ΔHsol

(S)

42.2

47.7

49.4 (56.4)

49.8 (58.5)

23.2±0.4

n.a.

36.6

(RS)

42.4

47.8

51.0 (64.9)

51.1 (66.0)

23.4±0.4

n.a.

46.3

Δ(RS-S)

0.2

0.0

1.7 (8.5)

1.3 (7.4)

0.2±0.4

-

9.7

(S)

17.9

14.9

24.8 (31.9)

24.2 (29.6)

23.2±0.4

19.7±0.3

18.6

(RS)

18.0

15.3

26.5 (40.4)

26.4 (39.0)

23.4±0.4

21.6±1.3

19.8

Δ(RS-S)

0.2

0.4

1.7 (8.5)

2.2 (9.5)

0.2±0.4

1.9±1.3

1.2

(S)

17.1

16.1

24.2 (31.3)

24.0 (30.3)

23.2±0.4

22.7±0.5

29.7

(RS)

17.3

16.5

25.9 (39.8)

25.9 (39.1)

23.4±0.4

24.6±0.2

31.3

Solute

Δ(RS-S)
0.2
0.4
1.7 (8.5)
1.9 (8.8)
0.2±0.4
1.9±0.5
1.6
Values in bracket correspond to calculation using ΔGsubl,exp instead of ΔGsubl,calc (ѱcrys) (see Figure
4.43) in combination with ΔGsolv from COSMO-RS
ΔHsol,inf determined by solution calorimetry for the diluted system according to 3.2.4.
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Besides the absolute values, relative solubilities and their temperature dependence are of
importance as they are related to the eutectic composition in solution (see eq. (23)).
Hence, the influence of solute-solute interactions in solution on the temperature
dependence of the relative solubilities is discussed in the following. For that purpose, in
addition to previously evaluated toluene-ethanol solvent systems, temperature-dependent
solubilities have been measured in mixtures of ethanol and acetonitrile (50/50 wt%) as
well as ethanol and water (75/25 wt%). They have been used to extract the apparent Van’t
Hoff solution enthalpies ΔHsol. Furthermore, solution enthalpies at infinite dilution have
been determined by solution calorimetry (see Figure 4.47).
Figure 4.52 shows the various experimental ΔRS-SΔHsol and ΔRS-SΔHsol,inf for naproxen in
comparison to calculations at infinite dilution and at saturation concentration. As
previously discussed in section 4.4.2, acetonitrile increases the solubility of naproxen
drastically while water acts as anti-solvent. Despite the significant changes of the absolute
solubilities there are no significant effects of the solution concentration on the
experimental solution enthalpy differences. This is consistent with the calculations from
both thermodynamic cycles which give a constant enthalpy difference at infinite dilution
and some small concentration effects within the calculations at saturation concentration.
Those are largest within the solvent system with the highest solubilities (ethanol/toluene
and ethanol/ACN). This is consistent to experiment and thus likely due to the fact that the
solvation shell is getting less dense with increasing solution temperature and, thus,
solution concentrations. Within the 50/50 wt% EtOH/ACN mixture one naproxen
molecules is surrounded by 40 solvent molecuels at 10 °C and only 17 solvent molecules
at 40 °C. However, differences are small and within the experimental uncertainty of
determining ΔRS-SΔHsol and ΔRS-SΔHsol,inf.

Figure 4.52: Solution enthalpy difference ΔRS-SΔHsol between (RS)- and (S)-naproxen in ethanol,
a 80/20 wt% ethanol/toluene solvent mixture, a 50/50 wt% ethanol/ACN solvent mixture and a
75/25 wt% ethanol/water solvent mixture. (red ○,●) experiment and calculations via the (grey
□,■) melt and the (black Δ,▲) sublimation cycle. Open symbols and dashed lines correspond to
the infinite dilution whereas solid symbols and solid lines to saturation concentration.

In summary, the concentration effects on the absolute solution enthalpies and the
differences between the enantiomer and the racemic compound are rather small within
the studied solvent systems for naproxen in comparison to lactide systems (see Table
4.13). This is consistent with the previously described solvent independent eutectic
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composition for naproxen (see Figure 4.41). As a consequence, this substantiate the
suspicion that the shift of the eutectic composition of naproxen in solution is merely
evoked by temperature-dependent solid-state properties.

4.6.4 Conclusions
The two thermodynamic cycles have been used to calculate the solution enthalpies for
chiral lactide and naproxen in a variety of pure and mixed solvent systems. Calculations
are compared to experimental solubilities which have been measured in the frame of this
work (see Figure 4.44). The of the sublimation cycle using sublimation free energies from
the ѱcrys method has been shown to be slightly more accurate than the melt cycle results.
For both approaches the consideration of solute-solute interactions slightly enhances the
calculations accuracy.
Concentration-dependent effects are especially relevant for lactide in toluene as well as
in ethanol (see Table 4.13). The calculation results suggest that solute-solute interactions
in solution affect the absolute as well as relative solution behaviour of lactide in both
systems (see Figure 4.50). This is qualitatively in agreement with experimental findings.
Experimentally, the apparent solution enthalpies were compared to caloric dissolution
experiments for the diluted solution (see Table 4.13 and Figure 4.49).
Even in cases where experimental saturation concentrations of naproxen and lactide are
comparable, the solution enthalpy difference between (S)- and (RS)-naproxen is not
affected by concentration-dependent interactions in solution (Figure 4.52). This is
consistent with the solvent-independent shift of the eutectic composition (see Figure
4.41). This is thus rather evoked by temperature-dependent solid-state properties alone.
For lactide, however, a comparably large shift of the eutectic concentration with
temperature has been observed in ethanol225 which is consistent with the strong solutesolute interactions energy contributions to the solution enthalpy differences.
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Conclusiones and Outlook

In this work, a consistent framework was derived and tested for calculating absolute mole
fraction solubilities of organic molecular crystals via the so-called melt cycle and the socalled sublimation cycle. These two approaches aim to reduce labour and substance
intensive experimental work. In fact, the sublimation cycle relies exclusively on firstprinciple computational methods. Both cycles can resolve the influence of the crystal
structure and thus can distinguish between polymorphs and chiral crystals. Furthermore,
they are capable of handling pure as well as mixed organic solvent systems and are not
restricted to infinite solution. This thesis used a joint computational and experimental
approach to evaluate the energy contributions required for calculating solid-liquid phase
equilibria via the two thermodynamic cycles. We focused on three representatives of
chiral compound forming systems; namely lactide, naproxen and 3-chloromandelic acid
(3ClMA).
The melting and sublimation thermochemistry of chiral lactide, naproxen and 3ClMA
have been studied by means of experimental and computational methods. It was shown
that measurement uncertainties of the melting thermodynamics (Tmelt and ΔHmelt) can be
large enough to noticeably affect ΔGmelt. Furthermore, thermal corrections affect ΔGmelt
by up to 1.6 kJ·mol-1 in case of naproxen. Both influences are not negligible if ΔGmelt is
used for solubility prediction within the melt cycle. Detailed experimental studies of the
melting behaviour were carried out for structural clarification. In case of lactide, the
determined binary melting phase diagram confirms the presence of a simple racemic
compound-forming system. However, the binary melting behaviour of naproxen was
found to be complicated by the formation of partial solid-solutions. This has been
observed when samples were crystallized from the melt as well as from acetone solutions.
Consequently, it can be concluded that for structural clarification measurements of the
binary melt phase diagram are important. They can reveal substance specific phase
behaviour which can also complicate the ternary solution phase diagram.
The accuracy of state-of-the-art periodic DFT was determined by the density functional,
the size of the basis and as the choice of the dispersion correction. A consistent framework
was used to model the separated ideal gas molecules and periodic crystal combining GGA
type density functionals and atom-centered Gaussian type basis sets (riper framework).
Its accuracy was tested with a frequently used benchmark set of molecular crystals (X23).
This works def2-TZVP/PBE-D3 method has an overall accuracy of around 10 kJ·mol-1.
However, there are some methods in literature that give lattice energies close to chemical
accuracy (4.2 kJ·mol-1). Thermal corrections are of great importance when calculating
sublimation Gibbs energies, ΔGsubl. Even though lattice energies make up the largest part
of the absolute energy contributions to ΔGsubl, thermal corrections are responsible for
around 40 percent. They incorporate zero-point energies as well as integrals of the
solidstate and ideal gas heat capacities between 0 K and reference temperature. They have
been calculated using two distinct computational methods (mol and crys) for three
representatives of chiral compound forming systems: lactide, naproxen and
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3-chloromandelic acid. A broad experimental investigation of the solid-state heat
capacities of these three systems reveals that calculations from both methods
systematically underestimate experimental solid-state heat capacities at high
temperatures. This is partly due to measurement uncertainties and the neglect of thermal
expansion of the crystal. Still, both the mol and crys method calculate ΔGsubl close to
chemical accuracy. Overall, computational errors are mostly related to the calculation of
Elatt and ΔSsubl. In both cases calculations are strongly method-dependent. Thus, a
modified benchmark set of molecular crystals has been suggested which can be used to
test computational methods to calculate ΔGsubl rather than Elatt or ΔHsubl.
The accuracy of calculating Elatt is strongly dependent on the types of prevalent
intermolecular interactions within the crystal. The crystal density and thus its packing
plays a less significant role. This can be exploited when aiming for energy differences
between enantiopure and racemic crystals as molecule specific errors potentially cancel
out. However, experimental solid-state heat capacities reveal heat capacity differences
ΔRS-SCP between the racemate and the enantiomer. If large enough, they can affect the
sublimation Gibbs energy difference ΔRS-SΔGsubl. Experimental ΔCP are observed within
the low temperature PPMS measurements and in some cases also at high temperatures.
Computational methods qualitatively reproduce the low temperature ΔCP. However, even
if interactions of molecular and lattice vibrations are coupled (crys method), theory fails
to quantitatively reproduce the high temperature ΔCP. Those are related to differences
between the high frequency modes which are detectable by Raman spectroscopy. In sum,
thermal corrections contribute by 20 to 80% to the absolute energy contributions to
ΔRS-SΔGsubl (on average by 1.6 ± 1.5 kJ·mol-1 and up to 4.1 kJ·mol-1). The magnitude and
their method-depending variation is affected by the flexibility of the molecular structure
and the crystal packing. Therefore, when modelling the thermochemistry of molecular
crystals at ambient temperature, it is not always justified to simplify ΔRS-SΔGsubl by
considering solely the lattice energy difference.
Solubility predictions via melt and sublimation thermodynamic cycle have been at first
performed and evaluated for two non-chiral model substances and finally applied for both
chiral species of lactide, naproxen and 3ClMA. Hereby, absolute solubilities of the
enantiomer and the racemic compound and their temperature dependence were studied
within pure and mixed solvent systems. The crys+COSMO-RS gives slightly more accurate
absolute solubilities in comparison to the cmol+COSMO-RS method. The overall accuracy of
the sublimation cycle in combination with the crys+COSMO-RS method is comparable to
that of the melt cycle. Around 40 % of the solubilities from crys+COSMO-RS are within the
±0.5log(x) limits which have been suggested as within a recent solubility challenge246.
Experimental solubilities in the studied mixed solvent systems exhibit a strong non-linear
behaviour. This was qualitatively well described by all calculations. The lattice energy
has been identified as being the dominant energy contribution to ΔGsol but thermal
corrections and solvation make up around 40 to 50 % of the sum of the absolute energies.
The computational error within the crys+COSMO-RS method for calculating ΔGsol (RMSE =
4.8 kJ·mol-1) equally comes from ΔGsubl and ΔGsolv. Additionally, the temperature
dependence of the solubilities was investigated by experiment and computation. For a
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quantitative comparison, solution enthalpies, ΔHsol, have been extracted from the
temperature-dependent solubilities of chiral lactide and naproxen in a variety of pure and
mixed solvent systems. The accuracy of the sublimation cycle in combination with the
ѱcrys+CSOMO-RS method to calculate ΔHsol was slightly better in comparison to the melt
cycle calculations. Concentration-dependent effects are especially relevant for lactide in
toluene as well as in ethanol while less significant for the naproxen solutions. Overall,
these are considered promising results for the sublimation cycle keeping in mind that the
ѱcrys+COSMO-RS is exclusively based on firstprinciple methods. It therefore does not rely on
substance specific primary experimental data compared to the melt cycle which requires
melting properties from experiment. Nevertheless, it must be stated that both
thermodynamic cycles are still not reliable enough to be used for accurate solubility
prediction required in an early stage crystallization process design.
Estimation methods of the eutectic composition xeu use the melting and sublimation
phase transition energy differences between the racemic compound and the enantiomer.
A rather simple thermodynamic model from literature has been modified so that it can be
solved consistently within both thermodynamic cycles. Calculations carried out were
accompanied by broad experimental investigations of xeu and its variation with
temperature and solvent Δxeu. The previously discussed model-dependent variation of the
lattice energy differences as well as differences in thermal corrections are recognizable
again when they are used for estimating xeu. The combination of electronic structure
calculations and experimental CP,s within the “exp/theory” (ѱcrys) model gives the most
reliable estimates of xeu. The good performance of the sublimation cycle in comparison
to the performance of the melt cycle suggests that it can be used for predicting xeu in
solution as a valuable guidance during early stage enantioseparation process design.
However, the applied computational methods still have some limitations. They fail to
reproduce experimentally observed temperature dependence of ΔRS-SCP. Those require a
differences in the higher frequency “molecular modes” which can be detected by solidsate
Raman spectroscopy. The experimental ΔRS-SCP are shown to be large enough to change
the Gibbs energy difference ΔRS-SΔG which can evoke important shifts of the eutectic
composition with temperature. However, shifts of xeu with temperature are in many cases
influenced also by the solvent and thus are not a solid-state property alone. In such cases
predictive models will have to consider the difference in solvation free energies in the
racemic and enantiopure solution. This aspect has been studied in this thesis in detail for
naproxen and lactide. A combined experimental investigation of the temperature and
solvent dependence of xeu indicates that shifts for naproxen are merely a solid-state
property and thus evoked by temperature-dependent ΔRS-SCP. In contrast, for lactide the
solvent system plays an important role. Lactide shows a comparatively large shift of xeu
with temperature in ethanol.225 This is consistent with the strong solute-solute interactions
which affect the absolute as well as relative solution behaviour. This has been identified
by a combined experimental and computational analysis of solution enthalpy differences
at infinite dilution and at saturation concentration. In general, the combined investigation
of ΔRS-SCP and of solution effects on ∆xeu(T) provides a valuable methodology to
investigate the physiochemical roots of the eutectic shift.
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Outlook
The reported results suggest further study of the effect of thermal corrections on the
sublimation thermodynamics. A modified benchmark set of molecular crystals has been
suggested. Besides a combined treatment of the molecular and lattice vibrations, a more
complete model of the thermal corrections should be used to quantify effects of the
thermal expansion of the crystal. A potential theoretical framework for this purpose is the
quasi-harmonic approximation.234 Precise Gibbs energy differences and their temperature
dependence should be used to further study the physio-chemical origin of the eutectic
shift with temperature. It would be of value to investigate if there is a correlation between
the magnitude of the energy differences between the enantiopure and racemic crystal and
the variability of the eutectic composition in solution. Based on eq. (23) a small value of
ΔRS-SΔGsubl should result in a eutectic composition with a low enantiomeric excess, which
is more likely to be affected by changes of ΔRS-SCP with temperature. For example,
2ClMA, an isomer of this works 3ClMA, has a eutectic composition close to the racemic
mixture that is solvent-depending247.
Another promising area of future work is the combination of the sublimation cycle with
crystal structure prediction methods11 in order to establish solubility prediction tools that
are exclusively based on information on the molecular structures. Within this work the
initial crystal structure still originates from experimental investigations. In future, the
applicability of explicit solvation methods which consider the 3D molecular structure
should be evaluated for chiral systems. Even though force-field based methods are not
yet precise enough to calculate absolute solvation energies they are capable to calculate
solvation energy differences.249, 250 Explicit methods should be further applied to model
solution non-idealities which can be related to general solute-solute interactions or
evoked by the chirality of the molecules.
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Appendix

7.1 Primary experimental data

7.1.1 Heat capacities at high temperatures (DSC)

Table 7.1: Experimental high temperature (DSC) heat capacities of lactide.
(S)-lactide

(RS)-lactide

T

CP,exp

/K

/ J∙mol ∙K
-1

Abs dev.
-1

/ J∙mol ∙K
-1

-1

T

CP,exp

/K

/ J∙mol ∙K

298.2

289.6

-1

Abs dev.
-1

/ J∙mol-1∙K-1

Heat capacities of the crystalline solid
298.2

189.0

297.3

187.4

0.3

298.8

190.2

0.2

304.4

193.4

0.5

308.8

194.2

0.2

311.4

194.8

0.6

318.8

200.2

0.3

318.4

201.3

0.7

328.8

204.6

0.1

325.3

203.3

0.5

338.8

206.5

0.1

332.3

206.3

0.5

348.8

213.5

0.0

339.3

208.6

0.6

358.8

215.9

0.2

346.3

212.8

0.7

368.8

223.1

0.2

353.3

218.7

0.2

378.8

228.1

0.2

Heat capacities of the melt
380.0

282.3

0.7

408.7

291.1

3.2

390.0

288.4

0.8

418.7

293.1

2.2

398.8

291.6

0.4

428.8

294.1

3.0

408.7

297.0

-

418.7

296.3

-

428.7

301.9

-

Table 7.2: Experimental high temperature (DSC) heat capacities of naproxen.
(S)-naproxen

(RS)-naproxen

T

CP,exp

Abs dev.

T

CP,exp

Abs dev.

/K

/ J∙mol-1∙K-1

/ J∙mol-1∙K-1

/K

/ J∙mol-1∙K-1

/ J∙mol-1∙K-1

298.2
298.4

296.9
297.4

1.6

Heat capacities of the crystalline solid
298.2
298.4

295.6
296.3

4.1
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307.8

303.2

3.1

307.8

304.9

1.6

317.0

314.3

3.7

317.1

316.8

1.5

326.3

320.7

3.2

326.3

322.9

1.5

335.6

329.7

4.9

335.6

331.0

1.7

344.9

335.2

4.1

344.9

338.1

1.5

354.2

346.4

3.7

354.2

349.5

1.4

363.5

353.5

3.9

363.5

356.8

1.4

372.7

362.1

5.7

372.7

366.2

1.5

382.0

366.7

5.3

382.0

372.2

1.0

391.3

379.5

5.0

391.3

383.5

1.5

400.6

389.6

6.7

400.6

393.0

1.0

Heat capacities of the melt
436.7

490.8

0.7

436.6

488.3

1.4

442.4

504.4

1.2

442.2

497.9

1.3

448.1

509.3

0.8

447.7

505.2

0.8

453.8

509.7

1.2

452.1

501.7

2.0

465.2

519.1

0.6

453.8

504.6

0.5

461.7

516.9

1.1

465.2

516.0

0.2

470.9

526.8

1.0

480.0

534.4

0.5

489.2

541.4

0.4

Table 7.3: Experimental high temperature (DSC) heat capacities of 3-chloromandelic acid
(3ClMA).
(R)-3ClMA

(RS)-3ClMA

T

CP,exp

Abs dev.

T

CP,exp

Abs dev.

/K

/ J∙mol-1∙K-1

/ J∙mol-1∙K-1

/K

/ J∙mol-1∙K-1

/ J∙mol-1∙K-1

Heat capacities of the crystalline solid
298.2
305.1

211.1
216.2

1.4

298.2
298.4

201.9
202.2

1.2

312.6

218.9

1.6

307.6

206.6

1.2

320.1

220.2

1.7

316.7

211.8

1.2

327.6

225.1

1.6

325.9

216.6

1.3

335.1

229.8

1.7

335.1

220.2

1.7

342.6

233.8

1.7

344.2

225.9

1.6

350

238.2

1.8

351.7

229.5

1.8

357.6

241.8

1.5

360.9

233.8

1.4

370.1

239.9

1.7

Heat capacities of the melt
297.5

309.1

-

360.1

331.5

1.4

305.1

314.0

-

369.6

333.9

-

320.1

329.4

-

379.1

333.7

1.0
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350.0

657.4

-

388.8

333.8

0.0

357.6

334.7

-

396.3

334.6

4.7

365.1

330.9

-

400.1

338.6

3.0

386.3

343.6

4.6

407.6

335.8

2.1

391.3

349.9

2.2

411.3

344.1

2.1

396.3

349.8

1.7

417.2

340.3

2.3

401.3

348.8

3.2

428.8

341.1

-

406.3

343.8

3.7

411.3

345.6

6.3

Table 7.4: Experimental high temperature (DSC) heat capacities of mandelic acid.
(S)-mandelic acid

(RS)-mandelic acid

T

CP,exp

/K

/ J∙mol ∙K
-1

Abs dev.
-1

/ J∙mol ∙K
-1

-1

T

CP,exp

/K

/ J∙mol ∙K
-1

Abs dev.
-1

/ J∙mol-1∙K-1

Heat capacities of the crystalline solid
298.2
298.7

187.0
186.9

0.7

298.2
298.7

182.4
182.2

0.6

306.7

192.8

0.5

306.7

187.3

0.8

314.7

197.4

0.4

314.7

192.4

0.1

322.7

202.2

0.2

322.7

196.4

0.9

330.7

207.4

0.4

330.7

199.7

1.0

338.7

211.7

0.3

338.7

204.7

0.9

346.7

216.9

0.2

346.7

208.4

0.2

354.7

221.6

0.5

354.7

213.9

1.1

362.7

226.9

0.5

362.7

218.6

1.1

370.7

232.6

0.7

370.7

222.5

1.0

7.1.2 Solid-state heat capacities at low temperatures (DHCP)

Table 7.5: Experimental low temperature (DHCP) heat capacities of naproxen.
(S)-naproxen

(RS)-naproxen

T

CP,exp

T

CP,exp

/K

/ J∙mol ∙K

/K

/ J∙mol ∙K

1.83

0.03

0.00

1.82

0.04

0.00

2.94

0.11

0.00

2.93

0.14

0.00

4.04

0.28

0.00

4.02

0.34

0.00

5.13

0.58

0.00

5.11

0.69

0.00

6.21

1.05

0.01

6.18

1.20

0.00

7.29

1.70

0.00

7.26

1.88

0.00

8.36

2.51

0.01

8.33

2.70

0.00

-1

Abs dev.
-1

/ J∙mol ∙K
-1

-1

-1

Abs dev.
-1

/ J∙mol-1∙K-1
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9.43

3.48

0.03

9.39

3.65

0.01

10.48

4.57

0.01

10.44

4.69

0.01

11.55

5.84

0.02

11.52

5.86

0.02

12.64

7.15

0.02

12.61

7.16

0.02

13.70

8.59

0.03

13.67

8.48

0.02

14.80

10.16

0.03

14.76

10.00

0.05

15.89

11.71

0.04

15.87

11.40

0.02

16.99

13.38

0.03

16.94

12.84

0.06

18.08

15.08

0.10

18.04

14.51

0.03

19.19

16.63

0.02

19.12

16.00

0.04

20.31

18.34

0.05

20.23

17.62

0.01

28.25

30.36

0.07

28.15

29.42

0.02

36.20

41.82

0.02

36.01

41.64

0.08

44.12

52.72

0.01

43.99

52.48

0.32

52.05

62.68

0.25

51.89

62.67

0.28

59.81

71.98

0.05

59.65

71.94

0.18

67.68

80.50

0.01

67.46

81.09

0.21

75.52

88.71

0.04

75.32

89.56

0.30

83.38

96.22

0.47

83.18

97.53

0.29

91.31

103.50

0.47

91.13

104.96

0.39

99.22

110.43

0.45

99.06

111.88

0.23

107.14

117.25

0.33

106.90

119.31

0.21

115.05

123.76

0.02

114.80

126.01

0.21

122.91

130.27

0.06

122.66

133.11

0.52

130.74

136.46

0.54

130.51

139.82

0.54

138.62

142.56

0.51

138.43

145.84

0.11

146.49

148.78

0.33

146.29

152.20

0.10

154.39

154.37

0.59

154.19

158.74

0.47

162.25

160.46

0.15

162.10

165.16

0.84

170.22

166.40

0.73

169.98

170.91

1.70

178.05

172.75

0.13

177.89

178.23

0.65

185.93

178.46

0.15

185.74

184.44

1.92

193.76

184.66

0.48

193.57

190.82

1.55

201.61

190.72

0.48

201.34

198.48

0.05

Table 7.6: Experimental low temperature (DHCP) heat capacities of 3-chloromandelic acid
(3ClMA).
(R)-3ClMA

(RS)-3ClMA

T

CP,exp

/K

/ J∙mol ∙K
-1

Abs dev.
-1

/ J∙mol ∙K
-1

-1

T

CP,exp

/K

/ J∙mol ∙K
-1

Abs dev.
-1

/ J∙mol-1∙K-1

1.83

0.02

0.00

1.83

0.04

0.00

2.94

0.09

0.00

2.93

0.18

0.00

4.04

0.25

0.00

4.03

0.50

0.01

5.14

0.56

0.00

5.12

1.05

0.01

6.23

1.01

0.02

6.20

1.81

0.00
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7.30

1.61

0.02

7.28

2.74

0.02

8.37

2.34

0.00

8.35

3.78

0.00

9.44

3.17

0.02

9.43

4.94

0.02

10.50

4.10

0.01

10.50

6.11

0.03

11.57

5.13

0.04

11.58

7.40

0.05

12.65

6.28

0.00

12.66

8.78

0.01

13.72

7.44

0.02

13.71

10.16

0.01

14.86

8.78

0.01

14.84

11.62

0.01

15.92

10.08

0.01

15.91

12.97

0.01

17.03

11.38

0.14

16.99

14.41

0.02

18.12

12.79

0.01

18.09

15.78

0.03

19.19

14.16

0.01

19.18

17.20

0.01

20.28

15.50

0.04

20.27

18.60

0.02

28.20

25.62

0.08

28.18

28.46

0.02

36.07
43.95

35.27
43.32

0.12
0.06

36.13

36.77

0.11

44.01

44.40

0.06

51.84

50.66

0.04

51.92

51.36

0.08

59.73

57.26

0.02

59.75

57.40

0.01

67.61

63.42

0.15

67.63

63.05

0.11

75.52

69.08

0.11

75.54

68.04

0.08

83.42

74.21

0.11

83.46

72.68

0.04

91.31

79.36

0.02

91.34

77.47

0.04

99.19

84.29

0.11

99.23

81.98

0.05

107.07

89.20

0.19

107.12

86.57

0.08

114.96

93.76

0.08

115.02

90.99

0.12

122.83

98.40

0.19

122.87

95.19

0.09

130.70

102.86

0.05

130.75

99.65

0.06

138.60

107.18

0.13

138.66

104.26

0.06

146.48

111.44

0.20

146.56

108.05

0.17

154.36

116.12

0.16

154.43

112.67

0.20

162.24

119.85

0.05

162.30

117.12

0.26

170.12

124.48

0.58

170.18

120.82

0.12

178.00

128.70

0.12

178.08

125.13

0.44

185.86

133.40

0.14

185.93

129.72

0.34

193.67

137.77

0.28

193.78

133.53

0.18

201.48

141.69

0.26

201.56

138.03

0.27
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7.1.3 Solubilities in pure solvents

Table 7.7: (1) Experimental solubilities (mole fraction) and (3) ∆Gsol at 298 K, (4) experimental
∆Gsolv and (5) calculated ∆Gsolv via the COMSO-RS model. Furthermore, recalculations of the
sublimation free energies ∆Gsubl,sol from the experimental solution free energies and calculated
solvation free energies (∆Gsubl,sol = ∆Gsol - ∆Gsolv,inf).
xexp

refs

/ molar
1

Lactide
Toluene
Acetone
2-propanol
Ethanol
Ethyl
acetate
Average

S

Tol/EA
(80/20
wt%)
Average

3

4

5

6

8.35

-24.4

-24.66

33.01

10.68

-24.66

35.34

0.293

225

3.04

-29.7

-31.13

34.17

RS

0.144

225

4.81

-30.2

-31.13

35.94

S

0.021

225

9.53

-23.2

-26.43

35.96

RS

0.010

225

11.50

-23.46

-26.43

37.93

S

0.028

8.83

-23.9

-26.89

35.72

RS

0.011

S
RS

11.18

-23.8

-26.89

38.07

0.191

225

4.11

-28.7

-26.72

30.83

0.082

225

6.21

-28.9

-26.72

32.93

S

33.94±2.66

RS

36.04±1.89
1

2

3

4

5

S

0.015

10.48

-49.8

-50.53

61.00

RS

0.010
5.3E05
3.0E05

11.45

-51.2

-50.53

61.97

-35.53

59.95

-35.53

61.33

0.0065

12.49

-47.7

-50.32

62.82

-50.32
-55.12

63.70
64.17

-55.12

65.07

S

24.41
25.79

-35.8
-36.8

13.37

S

0.0045
0.026

-49.2

9.05

RS

0.018

9.95

-51.2
.52.7

RS

S

61.98±1.63

RS

63.02±1.47
1

2

3

0.0003
0.0001

225

20.39

n.a.

225

22.08

R

0.050

225

RS

0.027

225

3ClMA
water

/ kJ mol-1

0.013

RS

Average

/ kJ mol-1

S

Heptane

Ethyl
actetate

∆Gsubl.sol

RS

S

ACN

0.034

∆Gsolv
(inf)

/ kJ mol-1

∆Gsolv
(exp)
/ kJ mol-1

-24.3

Naproxen
Ethanol

2

∆Gsol
(-RT ln x)

R
RS

4

5

n.a.

-26.44
-26.44

46.83
48.51

7.43

n.a.

-41.11

48.54

8.98

n.a.

-41.11

50.09

R

47.68±0.85

RS

49.30±0.79
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7.1.4 Solubilities in solvent mixtures

Table 7.8: Mole fraction solubility, xi, of lactide in mixtures of ethanol and toluene at 25 °C
EtOH
/ wt

(S)-lactide
/ xi

err

(RS)-lactide
/ xi

err

0

0.0368

0.0024

0.0141

0.0003

0.2

0.0848

0.0057

0.0289

0.0003

0.4

0.0748

0.0020

0.0264

0.0003

0.6

0.0587

0.0023

0.0209

0.0016

0.8

0.0419

0.0025

0.0163

0.0003

1

0.0258

0.0014

0.0110

0.0007

Table 7.9: Mole fraction solubility, xi, of naproxen in mixtures of ethanol and toluene, water and
acetonitrile at 30 °C.
EtOH
/ wt

(S)-naproxen
/ xi

err

(RS)-naproxen
/ xi

err

Mixtures of ethanol and toluene
0
0.2
0.4
0.6
0.6

0.0040
0.0495
0.0559
0.0459
0.0319

0.0000
0.0003
0.0002
0.0009
0.0004

0.0019
0.0352
0.0381
0.0314
0.0209

0.0000
0.0001
0.0004
0.0004
0.0001

1

0.0170

0.0004

0.0111

0.0005

Mixtures of ethanol and water
0
0.1
0.5
0.75

0.0001
0.0015
0.0081

0.0001
0.0000
0.0001

0.0000
0.0012
0.0053

0.0000
0.0000
0.0001

1

0.0170

0.0004

0.0111

0.0005

Mixtures of ethanol and acetonitrile (ACN)
0
0.25
0.5
0.75

0.0074
0.0276
0.0402
0.0396

0.0000
0.0001
0.0001
0.0000

0.0053
0.0195
0.0286
0.0269

0.0000
0.0001
0.0001
0.0000

1

0.0170

0.0004

0.0111

0.0005
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7.1.5 Solubilities at varying temperatures

Table 7.10: Temperature variation of the mole fraction solubility, xi, of lactide in pure ethanol
and toluene. The apparent solution enthalpies, ΔHsol, are additionally given.
Temp
/ °C

(S)-naproxen
/ xi

err

Temp
/ °C

(RS)-naproxen
/ xi

err

Ethanol
15

0.0168

-

15

0.0061

-

25

0.0263

0.0003

25

0.0104

-

35

0.0462

-

35

0.0175

0.0175

45

0.0912

0.0045

45

0.0297

0.0297

10

0.0129

-

10

0.0055

0.0055

40

0.0591

-

40

0.0193

0.0193

ΔHsol / kJ∙mol-1

40.2

2.2

35.6

2.4

10

0.0200

-

10

0.0083

-

15.5

0.0238

-

25

0.0138

-

25

0.0359

-

15

0.0089

-

25

0.0331

-

25

0.0130

-

40

0.0510

-

35

0.0188

-

0.0614

-

40

0.0216

-

25.6

2.0

24.8

1.3

Toluene

40
ΔHsol / kJ∙mol

-1

Table 7.11: Temperature variation of the mole fraction solubility, xi, of naproxen in pure ethanol
and toluene as well as in mixtures of ethanol and toluene, water and acetonitrile. The apparent
solution enthalpies, ΔHsol, are additionally given.
Temp
/ °C

(S)-naproxen
/ xi

err

(RS)-naproxen
/ xi

err

15

0.0019

0.0000

0.0008

0.0000

25

0.0032

0.0001

0.0013

0.0001

30

0.0040

0.0000

0.0019

0.0000

35

0.0048

0.0000

0.0024

0.0001

0.0084

0.0003

0.0050

0.0003

36.6

1.6

46.3

2.9

15

0.0101

0.0000

0.0065

0.0000

25

0.0146

0.0000

0.0099

0.0001

30

0.0170

0.0004

0.0111

0.0005

35

0.0217

0.0002

0.0147

0.0001

0.0324

0.0008

0.0225

0.0002

29.7

1.5

31.3

2.0

Toluene

45
ΔHsol / kJ∙mol

-1

Ethanol

45
ΔHsol / kJ∙mol

-1

20/80 wt% ethanol/ toluene
10

0.0281

0.0001

0.0201

0.0009

20

0.0371

0.0006

0.0262

0.0005
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30
40
ΔHsol / kJ∙mol

-1

0.0495

0.0003

0.0352

0.0001

0.0592

0.0000

0.0445

0.0000

18.6

1.0

19.8

0.5

75/25 wt% ethanol water
10

0.0035

0.0000

0.0023

0.0000

20

0.0052

0.0000

0.0034

0.0000

30

0.0081

0.0001

0.0053

0.0001

35

0.0107

0.0001

0.0072

0.0000

0.0135

0.0001

0.0100

0.0005

33.0

1.6

35.2

3.0

40
ΔHsol / kJ∙mol

-1

50/50 wt% ethanol/acetonitrile
10

0.0241

0.0004

0.0156

0.0008

20

0.0312

0.0002

0.0207

0.0004

30

0.0402

0.0001

0.0286

0.0001

0.0554

0.0001

0.0390

0.0001

20.2

1.2

22.6

0.8

40
ΔHsol / kJ∙mol

-1

7.1.6 Solution calorimetry

Table 7.12: Caloric measurements of the dissolution of (S)- and (RS)-lactide in toluene and the
extrapolated solution enthalpies at infinite dilution (x = 0), ΔHsol,inf.
(S)-lactide

(RS)-lactide

x
mol/mol

H
/ kJ/mol

x
mol/mol

H
/ kJ/mol

0.0034

21.56

0.0034

23.71

0.0050

21.83

0.0062

23.53

0.0080

21.56

0.0095

22.27

0.0096

21.49

0.0110

21.85

ΔHsol,inf
21.8±0.2

ΔHsol,inf
24.7±1.0

Table 7.13: Caloric measurements of the dissolution of (S)- and (RS)-naproxen in toluene and the
extrapolated solution enthalpies at infinite dilution (x = 0), ΔHsol,inf.
(S)-naproxen
x
mol/mol

H
/ kJ/mol

(RS)-naproxen
x
mol/mol

H
/ kJ/mol

Ethanol (30°C)
0.0010

22.88

0.0010

24.71

0.0015

23.73

0.0020

24.57

0.0020

23.35

0.0030

24.75

0.0030

23.86
ΔHsol,inf
22.7±0.5

ΔHsol,inf
24.6±0.2
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20/80 wt% ethanol/toluene (30°C)
0.0018

19.78

0.0036

21.52

0.0036
0.0054

19.57
19.77

0.0054
0.0061
0.0073

22.05
22.54
21.51
ΔHsol,inf
21.6±1.3

ΔHsol,inf
19.7±0.3
75/25 wt% ethanol/water (30°C)
0.00085

32.57

0.00076

36.77

0.00127

31.92

0.00102

36.37

0.00169

31.68

0.00127

37.04

ΔHsol,inf
33.4±0.4

ΔHsol,inf
36.2±1.3

50/50 wt% ethanol/acetonitrile (30°C)
0.0009

17.90

0.0014

22.46

0.0019

18.19

0.0019

20.36

0.0028

17.88

0.0028

20.72

0.0038

17.56

0.0038

20.71

ΔHsol,inf
18.2±0.3

ΔHsol,inf
22.3±1.4

7.1.7 Eutectic composition in solution

Table 7.14: Temperature variation of the eutectic composition (eutectic shift), Δxeu, of naproxen
in pure ethanol and toluene as well as in mixtures of ethanol with toluene, water and acetonitrile.
Temp
/ °C

xeu

err

Toluene
15
25
30
35
45

90.4
89.8
89.2
89.2
88.7

0.0
0.0
0.0
0.0
0.1

Ethanol
15
25
30

90.5
90.0
89.7

0.0
0.1
0.0

35
45

89.4
88.9

0.0
0.1

20/80 wt%
ethanol/toluene
10
20

90.9
90.4

0.0
0.1
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30

90.0

0.0

40

89.3

0.1

75/25 wt%
ethanol/water
10
20
30

90.9
90.3
89.9

0.0
0.1
0.1

35
40

89.1
90.9

0.0
0.0

50/50 wt%
ethanol/acetonitrile
10
20
30

91.2
90.5
89.9

0.0
0.0
0.2

40

89.3

0.0

Table 7.15: Variation of the eutectic composition as a function of the solvent composition
(eutectic shift), Δxeu, for naproxen in mixtures of ethanol with toluene, water and acetonitrile at
30 °C.
EtOH
/ wt %

xeu

err

ethanol / toluene mixtures
0
0.2
0.4
0.6
0.8
1

89.8
89.6
89.7
89.7

0.0
0.0
0.0
0.0

ethanol / water mixtures
0
0.1
0.3

88.9
89.2

0.1
0.0

0.5
0.75
1

89.6
89.7
89.7

0.0
0.1
0.0

Ethanol / ACN mixtures
0
0.25
0.50

89.3
89.8
89.9

0.0
0.0
0.2

0.75

89.8

0.0

1

89.7

0.1
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Figure 7.1: XRPD patterns of mixtures of (S)- and (RS)-naproxen. Samples correspond to the
equilibrated solid phases from the isothermal solubility measurements for determining the
eutectic composition in Table 7.15.

7.2 Primary computational data

7.2.1 Unit cell dimensions

Table 7.16: Specification of the unit cell of the two naphthalene (NAPHTA04 and NAPHTA23)
and benzoic acid (BENZAC01 and BENZAC02) crystals.
Length of lattice vectors

NAPHTA04186

NAPHTA23190

BENZAC01191

Lattice angles

Å

bohr

[°]

a

8.098

15.303

alpha

90

b

5.953

11.249

beta

124.4

c

8.652

16.350

gamma

90

a

8.085

15.278

alpha

90

b

5.938

11.221

beta

124.7

c

8.633

16.314

gamma

90

a

5.510

10.412

alpha

90

Z
[-]

2

2
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b

5.157

9.745

beta

97.41

c

21.973

41.523

gamma

90

a

5.4996

10.393

alpha

90

b

5.1283

9.691

beta

97.37

c

21.950

41.479

gamma

90

2

2

Table 7.17: Specification of the unit cells of the enantiopure crystal and the corresponding racemic
compound of lactide. naproxen and 3ClMA.
Length of lattice vectors
Å

bohr

Lattice angles

Z

[°]

[-]

BICVIS218

a

8.046

15.205

alpha

90

(RS)-lactide

b

9.081

17.161

beta

103.06

c

9.711

18.351

gamma

90

NAHNOZ217

a

9.2439

17.468

alpha

90

(S)-lactide

b

13.467

25.449

beta

90

c

16.669

31.500

gamma

90

PAPTUX215

a

25.830

48.812

alpha

90

(RS)-naproxen

b

15.494

29.279

beta

90

c

5.947

11.237

gamma

90

COYRUD219

a

13.375

25.275

alpha

90

(S)-naproxen

b

5.793

10.947

beta

93.91

c

7.914

14.955

gamma

90

FIZPEL03212

a

8.675

16.393

alpha

90

(RS)-3ClMA

b

8.9404

16.895

beta

90.99

c

10.7831

20.377

gamma

90

TUYBIA212

a

8.316

15.715

alpha

90

(S)-3ClMA

b

11.855

22.403

beta

93.82

c

8.4526

15.973

gamma

90

4

12

8

2

4

4

Table 7.18: Specification of the unit cell of the molecular crystals within the X23-benchmark set
according to refs. 85. 97.

anthracene

urea

Length of lattice vectors
Å

Lattice angles
[°]

Z
[-]

a
b
c

84.144
59.903
110.953

alpha
beta
gamma

90
125.293
90

2

a
b

5.565
5.565

alpha
beta

90
90

2
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oxalic acid (a)

oxalic acid (b)

CO2

ethylcarbamate

pyracine

1.4-cyclohexanedione

acetic acid

adamantane

ammonia

benzene

cyanamide

cytosine

formamide

pyrazole

hexamine

succinic acid
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c

4.684

gamma

90

a
b
c

6.548
7.844
6.086

alpha
beta
gamma

90
90
90

4

a
b
c

5.33
6.015
5.436

alpha
beta
gamma

90
115.83
90

2

a
b
c

5.624
5.624
5.624

alpha
beta
gamma

90
90
90

4

a
b
c

5.051
7.011
7.543

alpha
beta
gamma

101.37
104.58
76.65

2

a
b
c

9.325
5.85
3.733

alpha
beta
gamma

90
90
90

2

a
b
c

6.65
6.21
6.87

alpha
beta
gamma

90
99.82
90

2

a
b
c

13.151
3.923
5.762

alpha
beta
gamma

90
90
90

4

a
b
c

6.639
6.639
8.918

alpha
beta
gamma

90
90
90

2

a
b
c

51.305
51.305
51.305

alpha
beta
gamma

90
90
90

4

a
b
c

7.39
9.42
6.81

alpha
beta
gamma

90
90
90

4

a
b
c

6.856
6.628
9.147

alpha
beta
gamma

90
90
90

8

a
b
c

13.044
9.496
3.814

alpha
beta
gamma

90
90
90

4

a
b
c

3.604
9.041
6.994

alpha
beta
gamma

90
100.5
90

4

a
b
c

8.19
12.588
6.773

alpha
beta
gamma

90
90
90

8

a
b
c

6.954
6.954
6.954

alpha
beta
gamma

90
90
90

2

a
b

5.466
8.740

alpha
beta

90
91.7

2
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triazine

trioxane

imidazole

uracil

naphthalene

c

5.108

gamma

90

a
b
c

9.647
9.647
7.281

alpha
beta
gamma

90
90
120

6

a
b
c

9.32
9.32
8.196

alpha
beta
gamma

90
90
120

6

a
b
c

7.582
5.371
9.790

alpha
beta
gamma

90
119.0
90

4

a
b
c

11.938
12.376
3.655

alpha
beta
gamma

90
120.9
90

4

a
b
c

8.085
5.938
8.633

alpha
beta
gamma

90
124.7
90

2

7.2.2 Sublimation thermodynamics of lactide. naproxen and 3ClMA

Table 7.19: Thermodynamics of lactide. naproxen and 3ClMA evaluated at 298.15 K.
Lattice energy and thermal corrections (main manuscript)
Lactide
RS

Naproxen
S

3ClMA

RS-S

RS

S

RS-S

RS

S

RS-S

Lattice Energy: Elatt / kJ mol-1
Separated (Ψmol)

-86.17

-82.64

-3.53

-133.48

-125.41

-8.07

-110.40

-105.11

-5.28

Electronic (Ψcrys)

-90.1

-87.25

-2.85

-135.71

-134.26

-1.45

-127.43

-126.20

-1.23

g
s
− EZPE
Zero Point Energy ( EZPE
) / kJ mol-1

Separated (Ψmol)

-2.40

-2.59

0.19

-2.83

-2.76

-0.07

-2.90

-2.95

0.05

Electronic (Ψcrys)

-2.75

-2.99

0.24

-4.45

-5.39

0.94

-6.04

-7.38

1.34

T

Heat capacity correction to enthalpy:

 ( C (T ) − C (T ) ) dT  / kJ mol-1
g
P

s
P

T = 0

Separated (Ψmol)

-2.72

-2.55

-0.17

-2.37

-2.55

0.18

-2.31

-2.25

-0.06

Electronic (Ψcrys)

-2.18

-2.02

-0.16

-0.92

-0.21

-0.71

0.60

0.65

-0.05

Experimental

-3.11

-2.73

-0.37

-1.84

-1.55

-0.29

-0.61

-1.52

0.91
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T

Entropic correction: T S subl = T

 (C (T ) T  − C (T ) T ) dT  / kJ mol-1
g
P

s
P

T = 0

Separated (Ψmol)

51.55

52.72

-1.17

59.78

58.64

1.14

57.00

57.93

-0.94

Electronic (Ψcrys)

47.88

51.85

-3.97

62.30

65.44

-3.14

63.19

64.62

-1.43

Experimental

56.53

57.07

-0.54

69.76

70.50

-0.74

65.80

66.14

-0.33

summarized sublimation thermodynamic quantities
Lactide
RS

Naproxen
S

RS-S

3ClMA
RS

g
s
− EZPE
Sublimation enthalpies: H subl = − Elatt − ( EZPE
)+

S

RS-S

RS

T

 (C (T ) − C (T ) ) dT  / kJ mol-1
g
P

s
P

T = 0

Separated (Ψmol)

81.05

77.5

3.55

128.28

120.1

8.18

105.19

99.91

5.27

Electronic (Ψcrys)

85.17

82.24

2.93

130.34

128.66

1.68

121.99

119.47

2.52

Exp/Separated

80.66

77.32

3.35

128.81

121.1

7.71

106.89

100.64

6.24

Exp/ Electronic

84.24

81.53

2.72

129.42

127.32

2.1

120.78

117.3

3.48

g
s
− EZPE
Thermal correction: ( EZPE
)+

T

 (C (T ) − C (T ) ) dT  / kJ mol-1
g
P

s
P

T = 0

Separated (Ψmol)

-5.12

-5.14

0.02

-5.2

-5.31

0.11

-5.21

-5.2

-0.01

Electronic (Ψcrys)

-4.93

-5.01

0.08

-5.37

-5.6

0.23

-5.44

-6.73

1.29

Exp/Separated

-5.51

-5.32

-0.18

-4.67

-4.31

-0.36

-3.51

-4.47

0.96

Exp/ Electronic

-5.86

-5.72

-0.13

-6.29

-6.94

0.65

-6.65

-8.9

2.25

Gibbs free energies: Gsubl = H subl − T S subl / kJ mol-1
Separated (Ψmol)

29.5

24.78

4.72

68.5

61.46

7.04

48.19

41.98

6.21

Electronic (Ψcrys)

37.29

30.39

6.9

68.04

63.22

4.82

58.8

54.85

3.95

Exp/Separated

24.13

20.25

3.89

59.05

50.6

8.45

41.09

34.5

6.57

Exp/ Electronic

27.71

24.46

3.26

59.66

56.82

2.84

54.98

51.16

3.81

Gibbs free energy corrections: Gcorr = H corr − T S subl / kJ mol-1
Separated (Ψmol)

-56.67

-57.86

1.19

-64.98

-63.95

-1.03

-62.21

-63.13

0.93

Electronic (Ψcrys)

-52.81

-56.86

4.05

-67.67

-71.04

3.37

-68.63

-71.35

2.72

Exp/Separated

-62.04

-62.39

0.36

-74.43

-74.81

0.38

-69.31

-70.61

1.29
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Exp/ Electronic

-62.39

-62.79

0.41

-76.05

-77.44

1.39

-72.45

-75.04

2.58

7.2.3 Temperature variation of the sublimation Gibbs energy

Table 7.20: Gibbs free energy of sublimation at temperatures between 283 K and 318 K.
Experimental values are compared to computations using the ѱcrys method.
T

(RS)-lactide (S)-lactide

(RS)-naproxen

(S)-naproxen

Experiment
283.15
288.15
293.15
298.15
303.15
308.15
313.15
318.15

39.7
38.9
38.2
37.3
36.5
35.7
34.9
34.1

33.0
32.1
31.3
30.4
29.5
28.7
27.8
26.9

71.2
70.1
69.1
68.0
67.0
65.0
64.9
63.9

66.5
65.4
64.3
63.2
62.1
61.0
59.9
58.8

66.80
65.43
64.06
62.69
61.32
59.96
58.59
57.23

64.07
62.80
61.54
60.27
59.01
57.74
56.48
55.22

Computation (ѱcrys)
283.15
288.15
293.15
298.15
303.15
308.15
313.15
318.15

38.05
37.02
35.99
34.95
33.92
32.89
31.87
30.84

35.70
34.72
33.74
32.76
31.79
30.81
29.84
28.87

7.2.4 Estimation of the eutectic composition
Table 7.21: Free energy differences ∆T2-T1∆RS-S∆Gsubl,obtained from integrating experimental heat
capacity differences (see Figure 4.24) between the racemic and enantiopure crystals from T1=
298.15 K to T2= 318.15 K, and its effect on the eutectic composition in solution, ∆xeu,calc(T2-T1),
compared to experimentally determined eutectic shifts, ∆xeu,exp (T2-T1). The eutectic shift is
calculated from the maximum and minimum experimental xeu,exp in various solvent systems from
literature44. 216. 222. 223 for lactide and naproxen and measured in this work for 3ClMA.
Unit

Lactide

Naproxen

3ClMA

max / min

max / min

max / min

xeu.exp (T1)*

mol%

93.2 / 95.0

89.9 / 90.3

89.1 / 91.3

∆RS-S∆G (T1)**

kJ·mol-1

1.49 / 1.93

0.99 / 1.05

0.99 / 1.30

∆T2-T1∆RS-S∆Gsubl

kJ·mol-1

0.02

-0.06

0.16
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∆T2-T1xeu.exp*

mol%

0 / -3.0

-1.2

0 to 1.3

∆T2-T1xeu.calc***

mol%

-0.4 / -0.41

-0.9 / -0.9

0.6 / 0.5

*Experimental eutectic composition. xeu.exp. at 298.15 K and its dependence on temperature ∆xeu (T2-T1)
of lactide. naproxen (determined in this work) and 3ClMA in a variety of solvent systems 44. 216. 222. 223 (see
Table 4.12 for details).
**∆RS-S∆Gsubl(T1) calculated from the maximum and minimum xeu.exp (T1).

7.2.5 Lattice energies for benzoic acid and naphthalene

Table 7.22: k-point sampling for a selected crystal structure of benzoic acid and naphthalene
(BENZAC01191 and NAPHTA04186).
Crystal

NAPHTA04

BENZAC01

Method

def2-TZVP
PBE-D3

def2-TZVP
PBE-D3

k-point
mesh

Elatt
/ kJ mol-1

1x1x1

-95.1

3x3x3

-84.1

5x5x5

-84.1

7x7x7

-84.1

21x21x21

-84.1

1x1x1

-153.0

3x3x3

-108.9

5x5x5

-108.9

7x7x7

-108.9

21x21x21

-108.9

Figure 7.2: Lattice energy differences between different crystal structures of (a) naphthalene
(NAPHTA04 and NAPHTA23) and (b) benzoic acid (BENZAC01 and BENZAC02),
respectively. Details on the unit cell dimensions are given in Table 7.16.
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7.2.6 Lattice energies for the X23 benchmark

Table 7.23: Calculated lattice energies. -Elatt. of the X23 benchmark set using the “riper” module
within TURBOMOLE251 version 7.1132 and a k-point mesh of 3x3x3. The experimental lattice
energy represents the average value of refs. 85. 97. All energies are in kJ·mol-1.
PBE-D3

PBE-D3
-Elatt.exp

err

def2-SVP def2-TZVP
Anthracene

128.84

112.19a

Naphthalene

97.17

83.94

79.1

2.2

Benzene

68.19

58.41

50.9

0.6

Adamantane

87.59

79.33

65.7

2.9

Hexamine

129.91

99.19

84.0

2.2

Pyrazine

91.21

70.00

62.8

1.6

Pyrazole

107.06

86.28

77.5

0.5

14-cyclohexanedione

135.82

100.11

87.4

0.9

CO2

41.52

27.27

29.1

1.4

Triazine

87.48

65.08

61.6

0.8

Trioxane

107.48

70.89

63.7

1.9

Cytosine

213.45

170.14

168.9 0.7

Imidazole

120.41

97.48

88.0

Uracil

186.12

146.20

135.0 1.5

Acetic acid

113.61

82.60

72.5

0.5

Ammonia

70.03

50.74

36.5

1.3

Cyanamide

118.27

96.00

80.3

1.2

Ethylcarbamate

131.37

97.75

85.2

0.9

Formamide

118.22

89.47

79.0

0.2

Oxalic acid (α)

148.33

102.60

98.2

1.8

Oxalic acid (β)

151.30

105.19

97.8

2.6

-2.96

-2.59

-0.49

1.5

Succinic acid

201.58

145.24

126.7 3.6

Urea

153.33

117.58

101.2 1.3

Δα-β

a

106.9 5.0

2.4

Calculated with the TZP basis set due to convergence issues with the larger def2-TZVP basis set.

Table 7.24: Determination of an average calculations value from literature. denoted as “average calculation”. and its standard deviation. σ. for the
lattice energies of the X23 benchmark from refs. 85. 97. Hexamine and succinic acid have only been studied in ref.97. All energies are in kJ·mol-1.
Substances

B86b
XDM

PBE
D

PBE
TS

PBE
XDM

vdW
DF1

vdW
DF2

EPBE
+TS

EPBE0
+TS

EPBE
+MBD

EPBE0
+MBD

DFTB3
D3

“average
calculation”

σ

Anthracene
Naphthalene
Benzene
Adamantane
Hexamine
Pyrazine
Pyrazole
14-cyclohexanedione
CO2
Triazine
Trioxane
Cytosine
Imidazole
Uracil
Acetic acid
Ammonia
Cyanamide
Ethylcarbamate
Formamide
Oxalic acid (α)
Oxalic acid (β)
Succinic acid
Urea

101.23
75.74
51.23
72.8
59.66
75.99
85.81
21.55
54.73
57.95
151.25
87.54
130.42
71.76
38.56
87.24
83.76
77.95
111.28
113.81
101.91

106.22
80.4
56.32
83.94
64.47
83.65
97.32
24.37
61.2
67.23
163.83
94.46
138.21
77.6
46.23
92.43
92.82
84.12
119.65
122.95
112.02

135.46
100.53
66.51
108.92
74.9
87.69
107.22
25.72
67.98
75.78
172.82
100.76
150.21
83.66
44.03
94.1
99.49
86.79
125.17
128.2
112.62

96.29
72.24
49.49
69.83
58.48
75.76
84.64
22.63
53.93
57.34
150.25
87.32
130.19
72.52
39.15
87.75
84.18
78.65
112.12
114.99
102.51

116.98
88.06
59.94
82.56
69.09
79.4
104.39
35.76
68.38
77.64
153.92
89.99
137.31
77.38
37.47
84.58
95.96
79.22
120.25
120.77
101.93

108.55
81.44
55.87
79.48
67.75
79.18
103.33
33.81
66.5
79.31
157.53
89.58
140.01
78.1
40.31
88.4
95.92
82.56
125.43
124.7
108.28

134.4
99.9
66.3
108
114.9
76.2
88.5
105.9
25.2
68.9
75.9
172.6
101.9
149
82.6
45.4
94.3
99.2
86.3
100.7
104.3
147.1
113.1

133.5
98.4
62
105
109.8
72
83.1
101.2
24.4
65.6
72
167.9
96.3
144.6
79
42.4
88.8
94
84
98.5
100.1
143.4
111.4

121.8
87.4
55
81
86.9
67.3
82.8
92.2
21.7
58.7
62.4
170
97.1
145.9
78.3
42.9
94.3
92.1
82.8
98.1
98.6
138.7
111.2

119.1
85.4
51
78.6
83.4
63
77.6
88.2
21.2
55.7
59.3
164.5
91.4
140.4
74.6
40.2
88.8
87.1
80.7
95.7
94.8
135.3
109.7

112.2
71.6
56.0
81.1
70.8
55.9
59.3
100.7
23.1
51.7
65.2
147.1
104.7
148.7
77.8
32.2
66.4
96.4
76.9
114.3
112.3
139.9
113.7

116.0
85.0
57.0
85.9
92.6
65.9
79.6
97.0
25.2
60.9
67.8
161.2
94.5
141.3
77.7
41.0
88.4
92.8
82.0
110.1
111.4
140.6
109.5

13.3
10.2
5.7
13.5
16.7
6.4
7.6
8.0
4.7
6.3
8.0
9.0
5.7
6.7
3.5
3.9
7.7
5.3
3.3
11.1
11.3
4.1
4.9
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