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12.1 Introduction

Over the past decade, significant progress has been made in our understanding of
crystallization phenomena. In particular, a number of precursor and intermediate
species, both solutes and solids, and either stable or metastable (or even unstable),
have been identified. Their existence extends the simplified picture of classical
nucleation and growth theories toward much more complex pathways. These
newly found species include various solute clusters, liquid-like phases, amorphous
particles, and metastable (often nanosized) crystalline polymorphs, all of which
may exist for different periods and may convert into one another depending on the
chosen conditions (see, for instance, De Yoreo et al. 2017, Chap. 1; Wolf and Gower
2017, Chap. 3; Rodriguez-Blanco et al. 2017, Chap. 5; Birkedal 2017, Chap. 10;
Reichel and Faivre 2017, Chap. 14, and references therein). Quite naturally, most
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of the key observations supporting these alternative crystallization mechanisms
were derived for (bio)minerals such as calcium carbonate or calcium phosphate,
due to their great relevance for global carbon cycling and ocean chemistry as well
as biomimetic materials chemistry, as was documented in many of the previous
chapters in this book. In the quest to better understand such alternative pathways,
other likewise important minerals have been neglected and only slowly these move
into the focus of more detailed investigation. One such example is calcium sulfate,
a compound of considerable interest for both industrial applications and geological
environments. Recent studies have indicated that the formation of this mineral can
also occur via a multistage pathway, again confirming that the crystallization of
sparsely soluble salts is far more complex than pictured by standard models found
in general mineralogy textbooks.

The foremost aim of this chapter is to review the current state of knowledge
on the process of calcium sulfate precipitation from solution. Following a brief
introduction to the mineralogy and relevance of calcium sulfates, we will focus
on two main aspects: (1) the phase diagram of the CaSO4–H2O system (including
solubilities and relative stabilities of the different mineral phases as a function of
temperature, pressure, and salinity) and (2) the mechanisms of CaSO4 nucleation
and growth, both from a classical perspective and in view of recently gained insights,
again considering the influence of different solution conditions. Eventually, an
attempt will be made to unify the various reported observations toward an integrated
model for the formation of calcium sulfates, not forgetting however to also highlight
some central questions still open for further research.

12.1.1 CaSO4 Mineralogy and Structure

Calcium sulfate can exist in various structural forms. In the presence of water, three
distinct crystalline phases occur, differing in their degree of hydration: gypsum,
the dihydrate (CaSO4 � 2H2O), bassanite, the hemihydrate (CaSO4 � 0.5H2O), and
anhydrite, the anhydrous form (CaSO4). The crystal structures of these three
main phases are shown in Fig. 12.1. In addition to the water content, there are
further structural and/or morphological differences between crystals belonging to
the respective hydrate family (Table 12.1). Anhydrite, for example, comprises
three different polymorphs: (1) the AIII phase, or ”-anhydrite, with hexagonal
symmetry (obtained when water is quantitatively removed from bassanite by drying,
but generally metastable); (2) the AII phase, or “-anhydrite, with orthorhombic
symmetry (the thermodynamically stable phase at temperatures <1200 ıC); and (3)
the AI phase, or ’-anhydrite, with trigonal symmetry (formed when “-anhydrite
is heated above 1200 ıC and replacing “-anhydrite as stable phase at higher
temperatures) (Chang et al. 1996).

Since orthorhombic anhydrite is the only phase that precipitates spontaneously
from aqueous solutions, the other polymorphs will not be considered further in this
chapter.

In the case of bassanite, there is a distinction into ’- and “-hemihydrate based on
the way of production (Lewry and Williamson 1994; Singh and Middendorf 2008).
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Fig. 12.1 Structural motifs of the three main calcium sulfate phases, gypsum, bassanite, and
anhydrite (AII form). Tetrahedra are sulfate ions, large spheres are Ca ions, and arrows indicate
water sheets and channels in the gypsum and bassanite structures, respectively (Images were drawn
with VESTA (Momma and Izumi 2011))

The two types of bassanite differ primarily with respect to the shape of the crystals
(’ being more prismatic than “), their reactivity in contact with water (Lewry and
Williamson 1994), and the mechanical properties of the final product (Satava 1970).
Whether or not there are true structural differences between the two forms is still
under debate (Singh and Middendorf 2008, and references therein). In addition, it
has been reported that the actual water content in the bassanite structure can vary
over a quite broad range (CaSO4 � xH2O, where 0 � x � 0.8, in particular 0.5–0.8),
likely due to the fact that variable amounts of water can be accommodated in the
channels of the lattice (which at low values of x resembles that of ”-anhydrite)
(Abriel 1983; Lager et al. 1984). However, based on single-crystal refinement
and structure optimization by DFT calculations, a recent study concluded that
hemihydrate should contain exactly 0.5 water molecules per formula unit and that
subhydrates with a crystal water content of more than 0.5 per CaSO4 are unlikely
(Weiss and Bräu 2009).

12.1.2 Calcium Sulfate in Natural Environments

Gypsum and anhydrite are the most abundant sulfate minerals in the Earth’s crust
and frequently occur in evaporitic environments (e.g., Warren 2006), such as the
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Table 12.1 Overview of the different calcium sulfate phases

Phase Common name(s) Formula Stability range Remarks

Gypsum Selenite,
alabaster

CaSO4 � 2H2O <60–90 ıC in air
<40–60 ıC in H2O

Formed
spontaneously
upon precipitation
from solution
under ambient
conditions

Bassanite Hemihydrate ’-CaSO4 � 0.5H2O Metastable in H2O Formed by
heating gypsum in
air at >60–90 ıC;
readily rehydrates
to gypsum

Plaster of Paris “-CaSO4 � 0.5H2O Metastable in H2O Formed by
heating gypsum in
water at >90 ıC;
readily rehydrates
to gypsum

Anhydrite AIII, Soluble
anhydrite

”-CaSO4 Metastable in H2O
and air

Formed by
heating gypsum in
air at
>100–130 ıC;
readily rehydrates
to hemihydrate or
gypsum

AII, Insoluble
anhydrite

“-CaSO4 Stable <�1200 ıC Natural anhydrite
formed at the
Earth’s surface

AI ’-CaSO4 Stable >�1200 ıC Converts
immediately into
“-CaSO4 on
cooling below
�1200 ıC

Modified after Osinski and Spray, 2003

large deposits formed during the Messinian salinity crisis event (�5.3 million years
ago), during which the majority of the Mediterranean evaporated and produced
huge amounts of gypsum (Ryan 2009). Both gypsum and anhydrite are also present
in low-temperature hydrothermal zones (Blount and Dickson 1969), with one
spectacular example being the giant gypsum crystals found along with considerable
amounts of anhydrite inside the Naica Mine in Chihuahua, Mexico (Garcia-Ruiz
et al. 2007; Van Driessche et al. 2011). Recently, considerable quantities of gypsum
have also been discovered on Mars (Langevin et al. 2005). As opposed to gypsum
and anhydrite, bassanite is a very rare mineral on Earth (Allen and Kramer 1953;
Apokodje 1984; Peckmann et al. 2003), but significant amounts have been detected
on Mars (Wray et al. 2010) as well as in Martian meteorites (Ling and Wang 2015).

In addition to the geological occurrences mentioned above, calcium sulfates
can also be found as structural components associated with living organisms.
For example, two classes of medusae (Scyphozoa and Cubozoa) use bassanite
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for gravitational sensing (Tienmann et al. 2002; Becker et al. 2005; Boßelmann
et al. 2007), and there is evidence for the presence of bassanite in the so-called
“toothbrush” tree in Africa (Dongan et al. 2005). Also noteworthy is the frequent
occurrence of gypsum-rich microbialites (e.g., stromatolites), both in past- and
present-day evaporitic environments (Rouchy and Monty 2000). However, the role
that microorganisms played in the formation of these structures is still under debate.
In any case, compared to carbonates (see Falini and Fermani 2017, Chap. 9),
phosphates (see Birkedal 2017, Chap. 10; Delgado-Lopez and Guagliardi 2017,
Chap. 11), silicates (see Tobler et al. 2017, Chap. 15), or iron oxides (see Reichel and
Faivre 2017, Chap. 14; Penn et al. 2017, Chap. 13), the number of living organisms
that decided on sulfates as their biomineral of choice is minimal.

12.1.3 Relevance of Calcium Sulfate for Industrial
Applications

Calcium sulfate is an important industrial material, with more than 100 million
tons annually consumed worldwide (Sharpe and Cork 2006). While gypsum and
anhydrite are mainly extracted from their abundant natural resources (or gained
as by-products of other processes, e.g., in the industrial synthesis of several acids
or during flue-gas desulfurization in coal-fired power plants), bassanite is usually
obtained by partial dehydration of gypsum through heating at temperatures between
80 and 180 ıC. Despite this cost- and energy-intensive process, hemihydrate remains
one of the most extensively produced inorganic materials due to its relevance
for the construction industry, where it is used on large scales as a binder in
cements, mortars, or stucco (bassanite is often referred to as plaster of Paris).
Anhydrite is likewise a common component of cementitious products like binders
or adhesives. Finally, gypsum finds broad application in the agricultural (e.g., as
soil conditioner), food (e.g., as flocculant), and pharmaceutical (e.g., as inert filler
material) sectors (Sharpe and Cork 2006). Given this wide scope of possible uses,
it is evident that there is an industrial demand for the design of simple and efficient
protocols providing control over the phase composition, size, and morphology of
CaSO4 crystals, which may be achieved via solution precipitation if the underlying
mechanisms are properly understood.

On the other hand, solid calcium sulfates also pose a severe problem to the
industrial sector, as they represent recurrent scalants in several important processes,
such as water purification in desalination plants, oil recovery, and mining activities
(Ahmed et al. 2004; Mi and Elimelech 2010, Lu et al. 2012). Here, unwanted precip-
itation in pipes and on heat exchanger surfaces leads to incrustation, which causes
a loss of efficiency or even costly downtimes for cleaning (with anhydrite being
the major scale-forming phase at temperatures >100 ıC and gypsum prevailing at
lower temperatures). Therefore, considerable efforts are made to develop advanced
strategies to prevent or retard crystallization under process conditions, which again
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demands (or at least would benefit from) detailed insights into the mechanisms
at work. Another challenge related to calcium sulfates is the role that gypsum
crystallization plays in the deterioration of building materials (e.g., concrete, mortar,
marble, etc.) during sulfate (Neville 2004) or acid (Charola et al. 2007) attack. The
latter is of increasing importance due to the continuing acidification of rainwater.

12.2 The CaSO4–H2O Phase Diagram

12.2.1 Solubility

In order to understand, and eventually control, the precipitation of calcium sulfates
from solution, it is essential to know the phase diagram of the system, as this
provides thermodynamic information on relative phase stabilities. Together with
kinetic factors, these will determine the outcome of any crystallization process.
The intersections of the solubility curves of different possible phases indicate
the transition temperatures and thus define their corresponding thermodynamic
stability field during precipitation from aqueous solution. Precise knowledge of
these transition temperatures is of great relevance for understanding under which
conditions evaporites (gypsum/anhydrite) have formed in the geological record,
but equally also for optimizing the production/application of calcium sulfate-based
materials (gypsum/bassanite and anhydrite/bassanite) in industrial processes. Not
surprisingly, the solubility of solid CaSO4 phases has been investigated extensively,
with the first systematic works on the CaSO4–H2O system dating back to the
late nineteenth century (e.g., Marignac 1874; Raupenstrauch 1885), followed by a
plethora of studies in the twentieth century. Considerable effort was also devoted
to the solubility in multicomponent systems, i.e., in the presence of other salts
(e.g., Posnjak 1938; Bock 1961), and the effect of pressure (e.g., Dickson et al.
1963; Monnin 1990). Figure 12.2 shows a comprehensive overview of the solubility
of the three relevant phases as a function of temperature and salinity, including
both experimental and calculated data (using the PHREEQC speciation software
(Parkhurst and Appelo 1999)).

Although most experimental measurements are in relatively good agreement with
each other, still a considerably broad range of solubility data exists for all three
phases (shaded areas in Fig. 12.2a). Quite remarkably, the same conclusion has
already been drawn as early as 1902 by Hulett and Allen, who stated: “Although
the solubility of the substance CaSO4 has been the subject of investigation by
many careful workers, the results vary widely, while the experimental errors
are comparatively small.” The marked spread among the reported experimental
solubility values, as well as those derived from thermodynamic predictions, leads
to a distinct uncertainty in the transition temperatures of gypsum to anhydrite and
hemihydrate to anhydrite. Consequently, the stability regions of the different phases
in the CaSO4–H2O system are still rather ill-defined.
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Fig. 12.2 Solubility curves for (a) gypsum, bassanite, and anhydrite (AII form) in pure water
at different temperatures and (b) gypsum and anhydrite (AII form) as a function of salinity at
ambient temperature. Both plots contain experimental data extracted from the literature (dots). The
lines in (a) represent solubility curves calculated using the PHREEQC (dotted lines) and LLNL
(dot-stripe lines) databases. The shaded areas in (a) are a visual aid highlighting the range of the
reported experimental solubility data. The black box in (a) highlights the uncertainty range of the
gypsum/anhydrite transition temperature. The black arrow in (b) marks the expected transition
temperature at 25 ıC and �4 M NaCl. Experimental data were taken from: Poggiale (1843),
Marignac (1874), Droeze (1877), Tilden and Shenstone (1984), Raupenstrauch (1885), Boyer-
Guillon (1900), Cameron (1901), Hulet and Allen (1902), Melcher (1910), Hall et al. (1926), Hill
(1937), Hill and Wills (1938), Partridge and White (1929), Roller (1931), D’Ans (1933, 1968),
Booth and Bidwell (1950), Madgin and Swayles (1956), Bock (1961), Dickson et al. (1963),
Marshall et al. (1964), Zen (1965), Marshall and Slusher (1966), Power et al. (1964, 1966), Block
and Waters (1968), Blount and Dickson (1969, 1973), Culberson et al. (1978), Innorta et al. (1980),
Kontrec et al. (2002), and Azimi and Papangelakis (2010)

12.2.2 Phase Transition Temperatures

Gypsum/Anhydrite The temperatures for the gypsum/anhydrite transition have been
extensively studied due to its relevance for understanding the evolution of evaporitic
deposits. Van’t Hoff and coworkers were the first to address this issue in detail
using experimental measurements and thermodynamic calculations and proposed
a range of 60–66 ıC for the transition temperature (van’t Hoff et al. 1903; see
also black box in Fig. 12.2a). Since then, a large number of related experimental
and theoretical studies have been performed. The resulting transition temperatures
are summarized in Table 12.2. They can be roughly divided into two groups,
centered around 42 and 58 ıC, respectively. The main challenge, standing in the
way of a more precise determination of the transition temperature, is the very
slow dissolution/growth kinetics of anhydrite at temperatures lower than �80 ıC,
i.e., anhydrite remains metastable in either under- or supersaturated solution and
true thermodynamic equilibrium is difficult (or even impossible) to reach in a
reasonable period of time. One way to circumvent this problem is to precisely
measure anhydrite solubility at higher temperatures (faster kinetics) and then
extrapolate to lower temperatures. However, this method also suffers from obvious
drawbacks (such as the extrapolation of data) and depends on precise knowledge
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Table 12.2 Reported values for the gypsum/anhydrite transition temperature in water

Authors
Transition
temperature/ıC Method

Van’t Hoff et al.
(1903)

60–66 Experiments and thermodynamic calculations

Partridge and
White’s (1929)

38–39 Solubility measurements of anhydrite at high
temperature and extrapolation

Hill (1937) 42 ˙ 1 Solubility measurements of anhydrite at lower
temperatures (65, 45, and 35 ıC) and interpolation

Posnjak (1938) 42 ˙ 2 Solubility measurements
Kelly et al. (1941) 40 Measurements of thermochemical properties of solid

gypsum and anhydrite and calculation of the
transition temperature

Bock (1961) 42 Solubility measurements of anhydrite and gypsum
Marshall et al.
(1964)

42 Solubility measurements

Zen (1965) 46 ˙ 25 Calculations based on revised thermodynamic data of
Kelly et al.

Power et al. (1966) 41 ˙ 1 Solubility measurements of gypsum and anhydrite
Hardie (1967) 58 ˙ 2 Water activity measurements
Blount and Dickson
(1973)

56 ˙ 3 Solubility measurements of anhydrite at high
temperature (>70 ıC) and extrapolation

Knacke and Gans
(1977)

55.5 ˙ 1.5 Equilibration experiments in solutions containing
both gypsum and anhydrite

Innorta et al. (1980) 49.5 ˙ 2.5 Solubility measurements
Corti and
Fernandez-Prini
(1983)

42.6 ˙ 0.4 Thermodynamic calculations

Hamad (1985) 46 Solubility measurements at high pressure and
extrapolations to 1 atm

Raju and Atkinson
(1990)

59.9 Thermodynamic calculations

Kontrec et al.
(2002)

40 Solubility measurements and phase transition
experiments

Azimi et al. (2007) 40 ˙ 2 Modeling of CaSO4 solubility

of the solubility of gypsum, which itself is subject to uncertainties (cf. Fig. 12.2a).
Using thermodynamic parameters to calculate the transition temperature is also not
a more reliable approach, because these parameters themselves rely on solubility
data. In summary, there is still considerable ambiguity with respect to the correct
temperature for the gypsum-to-anhydrite transition, and as discussed by Freyer and
Voigt (2003), there are no obvious reasons to prefer one group of values over the
other.

Gypsum/Bassanite Considerably less attention has been paid to the gyp-
sum/bassanite transition temperature due to the fact that at Earth’s surface
conditions, bassanite is metastable, i.e., at the conditions where gypsum transforms
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to bassanite, anhydrite is actually the stable phase (cf. Fig. 12.2a). However,
anhydrite does not readily form due to much slower nucleation and growth kinetics
(Ossorio et al. 2014). Moreover, the exact value of the gypsum/bassanite transition
temperature seems to be of little relevance to natural phenomena. However, it
is very well important for the production process of plaster of Paris and other
industrial hemihydrate materials. Within the range of reported solubility data, the
possible gypsum/bassanite transition temperature may vary from less than 80 to
nearly 110 ıC (cf. Fig. 12.2a). From dilatometric and tensiometric measurements,
van’t Hoff and coworkers (1903) derived a transition temperature of 106 ıC,
while Posnjak (1938) obtained 97 ˙ 1 ıC using solubility data of bassanite and
gypsum, which is close to the 98–100 ıC reported by Partridge and White (1929).
By modeling the solubility of CaSO4 phases, Azimi et al. (2007) determined the
transition temperature to be 99 ˙ 2 ıC. These studies suggest that there is generally
much better agreement about the transition temperature of gypsum to bassanite
compared to that of gypsum to anhydrite.

Anhydrite/Bassanite In the case of the transition between bassanite and anhydrite, it
is assumed that bassanite remains metastable (i.e., more soluble than anhydrite) over
the entire relevant temperature range (�50–1200ıC). Thus, no distinct crossover
temperature has been reported so far (Kontrec et al. 2002). Although solubility
data of hemihydrate at higher temperatures (>100 ıC) are very close to those of
anhydrite, stability experiments show that bassanite transforms into anhydrite in
contact with aqueous solution when given enough time (e.g., 1 week at 99 ıC and
0.8 M NaCl) (Ossorio et al. 2014).

12.2.3 Influence of Salt and Pressure on Calcium Sulfate
Solubility

So far, we have only considered the CaSO4–H2O system at atmospheric pressure
(except for the solubility data of bassanite and anhydrite above 100 ıC) and
in relatively pure systems without any additional salts or other solutes. Indeed,
there is a vast array of studies that assessed the solubility of gypsum in ternary
and quaternary systems (Azimi et al. 2007, Azimi and Papangelakis 2010, and
references therein). The best-documented case is the solubility of CaSO4 in the
presence of sodium chloride (Fig. 12.2b). As NaCl is added to solutions of gypsum,
a sharp increase in solubility is observed from 0 to 1 M; this can be ascribed to the
concurrent decrease in the activity coefficients of Ca2C and SO4

2�, which increases
the dissolved concentration at a given constant solubility product (as indicated by
calculations with PHREEQC). At higher NaCl concentrations, first a maximum
is reached between 2 and 3 M, before a slight decrease occurs at still higher salt
contents. The solubility of gypsum in the presence of a large variety of other salts
has also been measured and modeled, but a detailed discussion of these effects is
beyond the scope of this chapter.
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The dependency of solubility on ionic strength is slightly different for anhydrite,
especially at low temperatures, leading to a crossover at high salt concentrations
(cf. Fig. 12.2b) and suggesting that anhydrite should be the stable phase at room
temperature and high salinity. Hence, with increasing NaCl concentration the gyp-
sum/anhydrite transition temperature is shifted progressively to lower temperatures
(Bock 1961). Interestingly, so far no experiments have been reported to confirm
the spontaneous formation of anhydrite under these conditions; quite the contrary,
Cruft and Chao (1970) and Ossorio et al. (2014) found that up to �70 ıC gypsum
or bassanite are always the primary phases obtained due to kinetic inhibition of
anhydrite formation.

Finally, it is well established that the solubilities of both gypsum and anhydrite
increase with pressure. For example, at 50 ıC the solubility of gypsum is about
15 mM at 1 bar and ca. 35 mM at 1000 bar, while at 80 ıC anhydrite has a solubility
of ca. 9 and 25 mM at 1 and 1000 bar, respectively (Blount and Dickson 1973).
In the case of anhydrite, the presence of other salts strongly influences this depen-
dency, making the pressure-solubility relation more complex (Blount and Dickson
1969).

12.3 CaSO4 Formation from Solution

Similar to the solubility of calcium sulfate, its precipitation from solution has been
the subject of extensive studies, again due to the importance of corresponding
processes in both natural and industrial settings. In this section, we will discuss
the state of the art of CaSO4 mineralization from different perspectives. The first,
and most comprehensive part, deals with precipitation from aqueous environments
at low temperatures (<60 ıC), where gypsum is the thermodynamically stable phase.
The second part will focus on precipitation at higher temperatures, where bassanite
and anhydrite are the dominant phases. In the third part, we discuss the influence
of additives on CaSO4 mineralization, before finally we attempt to reconcile the
various observations and integrate them into a general model for the crystallization
of calcium sulfate.

12.3.1 Nucleation and Growth of Gypsum

12.3.1.1 The “Classical” Picture

The first systematic studies on the precipitation of CaSO4 from aqueous solutions
were performed during the late nineteenth and early twentieth century, mostly
focusing on solubility measurements (as described above). Later on, driven by the
industrial and geological interests, a large number of papers were published on the
nucleation and growth of gypsum, the kinetics of the transformation of bassanite
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to gypsum (i.e., the hydration process of corresponding binders in construction
materials), and the relative phase stabilities in the CaSO4–H2O system. These early
studies broadly agreed that gypsum precipitation from a supersaturated solution
proceeded via a two-stage process (Conley and Boundy 1958; Schierholtz 1958;
Smith and Sweett 1971): (I) formation of incipient (more or less) crystalline nuclei
and (II) growth of these nuclei into gypsum crystals – i.e., the classical view of
crystallization (Kashchiev 2000).

Induction time measurements performed by Liu and Nancollas (1973) suggested
that the nucleation of gypsum is associated with an appreciable activation barrier,
involving a critical nucleus composed of approximately six ions, as predicted
based on a “nonclassical nucleation model” introduced by Christiansen and Nielsen
(1952). On the other hand, Packter (1971) measured induction times as well as
numbers and final sizes of crystals to conclude that gypsum formed through a
heterogeneous process, in which nuclei are generated rapidly (almost immediately
after mixing the reagents) on dust particles suspended in the supersaturated solution.
Growth was then suggested to occur initially through a slow “mononuclear” process,
yielding small crystallites that persisted over prolonged induction periods (which
is equivalent to the large activation barrier mentioned above). These primary
particles were finally thought to grow into large gypsum crystals by a more rapid
“polynuclear” mechanism. Overall, this proposed scheme appears to be inspired
by the precipitation model for sparingly soluble metal salts in solutions of low
supersaturation presented by Nielsen (1964).

More recently, a large number of studies were performed with the aim to pre-
cisely measure induction times of gypsum precipitation as a function of parameters
like supersaturation or temperature and/or in the presence of additives at different
concentrations (e.g., Klepetsanis and Koutsoukos 1989; Hamdona et al. 1993; He
et al. 1994; Klepetsanis et al. 1999; Lancia et al. 1999; Prisciandaro et al. 2001a, b;
Alimi et al. 2003; Prisciandaro et al. 2003; Rashad et al. 2004; Fan et al. 2010).
In essence, these studies concluded that the formation of gypsum appears to be
reasonably well described by the classical nucleation theory (CNT), with nucleation
kinetics being strongly dependent on temperature and solution speciation (like
for many other insoluble salts). In most cases, the experimental data were fitted
by the CNT equation and separated the into two regimes, i.e., homogeneous
nucleation at high levels of supersaturation and heterogeneous nucleation at lower
supersaturation. From these fits, the effective surface free energies of the forming
nuclei was obtained, yielding rather realistic values of �40 mJ/m2 and �14 mJ/m2

for homogeneous (He et al. 1994; Lancia et al. 1999; Alimi et al. 2003; Fan et al.
2010) and heterogeneous (Alimi et al. 2003) nucleation, respectively.

This highlights that even though the particular mechanisms underlying nucle-
ation may involve species that are fundamentally distinct from those envisaged in
the classical picture of crystallization (see below), CNT can still provide a good
description of the kinetics of the process – i.e., “nonclassical” nucleation does not
necessarily mean that CNT is not valid (note that CNT was actually developed for
the case of liquid condensation from vapors (e.g., Becker and Döring 1935) and
hence it should be equally well, or even more, applicable to liquid/amorphous nuclei
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than to crystalline nuclei). This notion is of course not unique to calcium sulfate,
but may generally be considered for a large variety of mineral systems (see e.g. De
Yoreo et al. 2017, Chap. 1).

Indeed, none of the aforementioned investigations provided direct insight into the
actual pathway(s)/mechanism(s) of the nucleation process. Thus, despite the large
amount of data on gypsum precipitation collected over the years, the nature of the
relevant species and their spatiotemporal evolution were still largely unknown at the
beginning of this century. Instead, it was inherently assumed that CaSO4 nucleation
is a one-step process, which according to the classical paradigm directly produces
nuclei that have the same characteristics (e.g., order, density, composition, etc.) as
the fully grown (macroscopic) crystals (Kashchiev 2000).

12.3.1.2 Recent Observations: “Non-Classical” Processes

Sparked by the significant advances made for prominent mineral systems like
calcium carbonate (De Yoreo et al. 2017, Chap. 1; Wolf and Gower 2017, Chap.
3; Fernandez-Martinez et al. 2017, Chap. 4; Rodriguez-Blanco et al. 2017, Chap.
5; Demichelis et al. 2017, Chap. 6; Andreassen and Lewis 2017, Chap. 7; Rao and
Cölfen 2017, Chap. 8, and references therein) or calcium phosphate (Birkedal 2017,
Chap. 10; Delgado-Lopez and Guagliardi 2017, Chap. 11, and references therein),
various groups started to explore if a more complex crystallization pathway may
underlie the precipitation of calcium sulfate. And indeed, the past few years have
seen a growing body of evidence supporting the notion of multistage processes
governing the formation of gypsum from aqueous solutions. In the following, we
provide an overview of these new insights and discuss their implications for the
emerging new picture of calcium sulfate mineralization at ambient conditions.

In 2012, Wang et al. (2012) reported on the existence of precursor phases during
gypsum crystallization. They precipitated CaSO4 at room temperature by mixing
equimolar aqueous solutions of CaCl2 and Na2SO4, and the formed solid particles
were isolated at regular time intervals from the reacting solutions and characterized
in the dry state by TEM and a number of complementary methods. Under the
conditions tested, evidence was found for a short-lived amorphous phase appearing
almost immediately after mixing solutions containing 25 mM CaSO4. This conclu-
sion was based on the fact that the isolated solids did not produce distinct crystalline
spots when analyzed by selected-area electron diffraction (SAED) and that they
readily transformed into gypsum upon prolonged exposure to the electron beam.
Furthermore, samples isolated from a 50 mM solution (supersaturated with respect
to gypsum but undersaturated with respect to bassanite) suggested that bassanite
can form under conditions where it should not and remained stable for at least
1 h after mixing. Therefore, it was proposed that initially an amorphous calcium
sulfate (ACS) phase formed that then converted into gypsum via bassanite as an
intermediate crystalline stage. Moreover, the data suggested that both the amorphous
precursor and the bassanite intermediate became progressively less stable (shorter
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lifetimes) with increasing supersaturation, and thus it was hypothesized that at high
supersaturation, gypsum may form directly from solution.

At the same time, Van Driessche et al. (2012) used time-resolved turbidity
measurements combined with ex situ characterization by high-resolution TEM and
nano-diffraction to probe the early stages of calcium sulfate precipitation from
mixtures of Na2SO4 and CaCl2 at different levels of supersaturation. Based on
the turbidity results, the precipitation process was arrested at different times by
quenching the reaction through flash-freezing of solution aliquots or by addition
of ethanol to wet particles obtained by micro-filtration. From detailed HR-TEM
analyses, it was inferred that gypsum was formed via a three-stage process: (1)
homogeneous nucleation of ca. 5 nm primary nanocrystalline bassanite particles
and growth of these particles to about 100 nm; (2) self-assembly of the as-formed
bassanite nanoparticles into elongated aggregates, co-oriented along their c-axis
(i.e., oriented attachment); and (3) collective transformation of these aggregates into
gypsum by merging of the bassanite units into a common crystallographic register
along high-energy faces (Zhang and Banfield 2012). In the study of Van Driessche
et al. (2012), no evidence of an amorphous CaSO4 precursor phase was found.
Moreover, the exact mechanism by which the oriented aggregates transformed into
gypsum remained unresolved. However, it was suggested that there might be a
crossover in the thermodynamic stability of calcium sulfate phases at small particle
sizes, with bassanite becoming more stable than gypsum at the nanoscale under
ambient conditions. This notion is similar to what has been proposed for the CaCO3

system in the pioneering work of Navrotsky (2004).
Further observations supporting the idea of a multistage precipitation pathway

for gypsum were reported by Saha et al. (2012). They used time-resolved cryogenic
transmission electron microscopy (cryo-TEM) to probe the early stages of particle
formation in a solution supersaturated with respect to gypsum, obtained by dissolu-
tion of bassanite. They observed small nanoclusters (2–4 nm in size) that evolved
to seemingly amorphous particles (ca. 100 nm in diameter), which later reorganized
to yield crystalline gypsum. On the whole, this multistep process took place on
timescales on the order of tens of seconds.

Finally, at the end of 2012, Jones reported about an interesting study where
attenuated total reflection (ATR) Fourier transform infrared (IR) spectroscopy was
used to follow in situ the crystallization behavior of CaSO4 in solution upon
evaporation (Jones 2012). It was found that the intensity of IR bands corresponding
to structural water increased over time, indicating that water molecules initially
occupied disordered positions (in an assumed amorphous CaSO4 phase). In later
stages, the water molecules adopted more defined configurations characteristic of
the forming of crystalline solids (inferred to be bassanite and/or gypsum). It was also
noted that the presence of water might influence the stability of the initial disordered
phase. Thus, Jones (2012) concluded that the crystallization process started with a
disordered (“amorphous”) phase that slowly transformed into crystalline gypsum,
possibly via a bassanite intermediate. During this transformation, water seems to
play a key role, shifting from disordered to ordered positions and thus inducing the
emergence of a defined crystal lattice.
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Fig. 12.3 Schematic overview of the various precursor phases and pathways leading to gypsum
formation from aqueous solutions at room temperature, as recently proposed by Wang et al. (2012),
Van Driessche et al. (2012), Saha et al. (2012) and Jones (2012). Note that the in the online version
different phases are color-coded and that the respective phase sequences are arranged according to
changes in size (bottom axis), not time

Although all these studies addressed the same problem, the results still show
discrepancies, likely because of inherent differences in the used experimental
and analytical approaches. Nevertheless, it seems clear that there are alternative
pathways to crystalline gypsum from supersaturated aqueous solutions other than
direct nucleation and growth as envisaged in the classical picture. The general
conclusion is that the phase(s) formed initially upon precipitation from solution
can be quite distinct from the final crystalline state (gypsum), or in other words
that gypsum formation indeed involves one or more precursor/intermediate phases.
Figure 12.3 provides an overview of the reaction sequences proposed in the recent
studies discussed above.

It is important to note that the reported data are ambiguous with respect to the
question whether amorphous precursors or bassanite nanoparticles, or both, play
a key role in the formation of gypsum. The main reason for these ambiguities
lies in the fact that it is extremely difficult to capture the elusive early stages
of precipitation with sufficient temporal and spatial resolution, while at the same
time not affecting the state of the reacting solids and solutions. Although some
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of the described studies used in situ methods (i.e., IR spectroscopy or turbidity
measurements), these lack specific resolution and provide limited information
about size, shape, or crystallinity of the formed solids. In turn, the applied ex
situ techniques provide sufficient resolution (e.g., (cryo)-TEM) but suffer from
the obvious drawback of possible sample preparation artifacts, along with other
problems like beam damage. These difficulties may lead to a situation where the
detected particles are actually not present in solution but rather formed/transformed
during isolation and/or analysis. Indeed, the strategies used for sample preparation
in the abovementioned studies (including micro-filtration, cryo-quenching, or direct
analysis of cryo-vitrified samples) are designed to minimize undesirable effects, but
still they do not offer true in situ and time-resolved characterization of the occurring
processes, as would be needed to fully address these rapidly evolving reactions in
the CaSO4 system at the proper length scale.

This limitation was just recently circumvented by Stawski et al. (2016),
who combined synchrotron-based small- and wide-angle X-ray scattering
(SAXS/WAXS) to investigate gypsum formation from supersaturated solutions.
These in situ experiments were carried out over a temperature range of 12–40 ıC, by
direct mixing of equimolar Na2SO4 and CaCl2 solutions and circulating the resulting
samples through a capillary centered in the X-ray beam. In-depth evaluation of the
obtained data led to the conclusion that crystalline gypsum forms via a multistep
process, involving four well-defined stages (see Fig. 12.4):

Fig. 12.4 Schematic representation of the four stages of CaSO4 precipitation from solution as
proposed by Stawski et al. (2016) based on the results of in situ SAXS/WAXS experiments: Stage
I, formation of sub-3 nm primary species. Stage II, assembly of the primary species into loose
domains; the inset shows that individual scatterers are separated by a distance larger than two
times the radius of gyration. Stage III, further aggregation into large surface-fractal morphologies.
Stage IV, growth and coalescence of the primary species within the aggregates and transformation
to gypsum. The inset between stages III and IV shows the successive evolution at the nano-
and mesoscale, where the primary units first grow/coalesce in length and subsequently in all
dimensions, yielding structural domains of increasing size and crystallinity. The three panels on
the bottom show tentative molecular structures for the anhydrous rodlike primary species based on
the gypsum, bassanite, and anhydrite lattice
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(Stage I) Formation of elongated primary species, <3 nm in length and �0.5 nm
in diameter and composed of “anhydrous” Ca–SO4 cores (as indicated by
considerations of SAXS volume fractions and electron densities)

(Stage II) Assembly of these primary species via density fluctuations into loose
domains, where the interparticle distance remains still fairly large, i.e., >2 times
the radius of gyration of the individual primary particles

(Stage III) Further condensation of these domains into larger and denser aggregates,
still consisting of the same primary units

(Stage IV) Growth of the primary units within the aggregates, mutual alignment,
and eventual collective reorganization/transformation into gypsum, as confirmed
through the simultaneously collected WAXS data

These results suggest that CaSO4 precipitation from solution relies on the
formation and aggregation of nanosized primary units with a rather well-defined
size and composition – which may or may not be analogous to the so-called “pre-
nucleation clusters” reported for the calcium carbonate and phosphate systems
(Gebauer et al. 2008; Dey et al. 2010; Kellermeier et al. 2014). So far no data
are available on how stable or metastable these primary CaSO4 species are. In
any case, the structure of the primary units cannot be uniquely assigned to any
of the crystalline CaSO4 phases (cf. bottom panels in Fig. 12.4). In other words,
the primary species are equally similar to all three possible phases, and hence
they may be considered as a universal precursor phase to any possible subsequent
crystallization process. Under the conditions investigated by Stawski et al. (2016),
the aggregation of the primary units into disordered domains and aggregates (Stages
II and III) may correspond to either the “amorphous” phase reported in other studies
(Wang et al. 2012; Saha et al. 2012; Jones 2012) or to the nanoparticulate bassanite
observed in the works of Wang et al. (2012) and Van Driessche et al. (2012). We
note that Stawski et al. (2016) could not unambiguously identify bassanite as a
separate nanocrystalline intermediate in the solutions analyzed, possibly because
the scattering units (or respectively their crystalline domains) present during Stages
II and III were too small and/or not dense enough (large distance between individual
units) to be detected by WAXS – or simply because bassanite is not an intermediate
on the way to gypsum under the tested conditions.

A possible clue to the answer to this question has recently been reported by
Tritschler et al. (2015a, b), who investigated the influence of organic (co)solvents
on the precipitation behavior of calcium sulfate. By mixing supersaturated (but opti-
cally clear, i.e., metastable) aqueous CaSO4 solutions with ethanol, nanoparticles of
phase-pure bassanite were obtained (Fig. 12.5a) (Tritschler et al. 2015a). Similar
observations were already made in an earlier study by Yang et al. (2011). These
findings challenge the results of experiments where ethanol was used to supposedly
quench the precipitation process in aqueous media (Wang et al. 2012; Van Driessche
et al. 2012), as addition of the organic solvent may in fact induce the formation of
bassanite rather than preserving structures that were thought to be present in solution
before. Systematic variations of the water/ethanol ratio further showed that there is
a critical water content (between 40 and 50 wt%), below which bassanite becomes
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Fig. 12.5 Precipitation of calcium sulfate from mixtures of water and organic solvents. (a)
Bassanite nanorods obtained by quenching 25 mM CaSO4 solutions in an excess of ethanol.
Note the morphological and structural similarity of the particles to those shown in Fig. 12.3. (b)
Fraction of bassanite in mixtures with gypsum, as obtained by mixing aqueous CaSO4 solutions
with solvents of different polarity. (c) Phase-pure anhydrite produced by addition of concentrated
sulfuric acid to solutions of CaCl2 in methanol at an effective water content of 0.07 wt%. (d) Plot
of the fraction of bassanite in mixtures with anhydrite as a function of the amount of water in the
reaction medium (Figures are reproduced from (Tritschler et al. 2015a, b) with permission by the
Royal Society of Chemistry and Wiley, respectively)

progressively favored over gypsum (Tritschler et al. 2015a). Another major factor
for phase selection was found to be the type of organic solvent used for quenching,
with more polar solvents yielding higher fractions of bassanite (Fig. 12.5b). This
strongly suggests that the availability of water and the degree of hydration of any
precursors (which is likely to depend on the polarity of the medium) are key factors
for the outcome of the CaSO4 precipitation process (as discussed in more detail
below).

In a subsequent study, Tritschler et al. (2015b) extended this concept to signifi-
cantly lower water contents and demonstrated that pure anhydrite (Fig. 12.5c) forms
spontaneously at room temperature if less than 0.2 wt% water is present in mixtures
with alcohol (Fig. 12.5d). Thus, it is possible to fine-tune the phase composition
of precipitated CaSO4 powders in a one-step process at ambient conditions simply
by adjusting the water content of the solvent medium – yielding pure anhydrite at
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<0.2 wt% H2O, pure bassanite between 2 and 30 wt% H2O, and pure gypsum at
>50 wt% H2O – while at intermediate values mixtures with defined compositions
are obtained.

12.3.2 Crystallization of Bassanite and Anhydrite

Compared to gypsum, relatively little is known about the early stages of the
crystallization of bassanite and anhydrite from aqueous solution. Several studies
have focused on establishing the temperature and salinity regions where these
phases form spontaneously, mainly by characterizing the outcome of direct precip-
itation experiments (i.e., mixing Ca2C- and SO4

2�-containing solutions at different
conditions) (Cruft and Chao 1970; Ossorio et al. 2014). Although solubility
measurements predict anhydrite as the stable phase above 40–60 ıC (cf. Fig. 12.2a
and Sect. 12.2.2 above), gypsum was always the major product obtained up to
90 ıC, while at higher temperatures mainly bassanite was formed (likely due to the
kinetic inhibition of anhydrite mentioned above). Interestingly, the temperature for
the primary precipitation of bassanite can be significantly lowered by increasing the
ionic strength of the reacting solutions, in particular by using highly concentrated
electrolyte solutions (Cruft and Chao 1970; Jiang et al. 2013; Ossorio et al. 2014).
For example, bassanite is formed already at 80 ıC in the presence of 4.5 M NaCl
(Ossorio et al. 2014), while a temperature of around 50 ıC is sufficient to produce
pure hemihydrate from solutions containing >6 M CaCl2 and small amounts of
Na2SO4 (Cruft and Chao 1970). This again hints at the importance of hydration
effects during the crystallization process, which are likely to change substantially
as the activity of water is modulated at high salt contents. Another observation
pointing in the same direction is the fact that bassanite forms spontaneously during
the evaporation of droplets of CaSO4 solutions at room temperature (Qian et al.
2012; Shahidzadeh et al., 2015). In those cases, the relative humidity (RH < �80 %)
and the time-dependent availability of water – potentially along with confinement
effects during the evaporation process – seem to be the controlling factors for phase
selection. Although the conditions needed to induce bassanite formation in purely
aqueous systems appear to be fairly well known, so far distinct insight into the
details of the nucleation mechanisms and pathways is still missing.

To the best of our knowledge, there is only one published study that reports
on the kinetics of direct anhydrite precipitation in aqueous media at temperatures
between 100 and 200 ıC and at a constant salt content of 1 M NaCl (Fan et al.
2010). Although no precipitation was observed at 118 and 148 ıC, induction times
could be measured as a function of supersaturation at 178 ıC. Based on these
results, the authors estimated the effective surface free energy of anhydrite to be
92.9 mJ/m2. This value is roughly twice as high as that for gypsum and explains
why anhydrite does not readily form in its own thermodynamic stability region
(Ossorio et al. 2014). Since the nucleation rate depends strongly (to the power of
3 according to CNT) on the surface free energy of the emerging mineral phase, it is
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reasonable that gypsum (�40 mJ/m2) and bassanite (�9 mJ/m2) (Guan et al. 2010)
form much more readily than anhydrite across large parts of the phase diagram
(Ossorio et al. 2014). Similar to the case of bassanite, the presence of high concen-
trations of salt in the reacting solutions can facilitate the formation of anhydrite. This
was recently shown by Dixon et al. (2015), who studied the dissolution of jarosite,
(K,Na,H3O)Fe3(SO4)2(OH)6, in saturated CaCl2 brines under ambient conditions.
In their experiments, the release of sulfate and the high concentration of calcium
in the medium inevitably led to precipitation of calcium sulfates. Interestingly, the
resulting phase composition varied depending on the particular procedure applied,
with experiments conducted in a batch reactor (i.e., a closed system) yielding
a mixture of gypsum and bassanite, whereas in a flow-through setup the main
product was anhydrite. This is the first experimental evidence that anhydrite can
spontaneously nucleate in aqueous environments at room temperature (i.e., without
organic (co)solvents), confirming the previously predicted stability region of anhy-
drite in high-salinity brines (Bock 1961; Hardie 1967). Initial nucleation of gypsum
and subsequent transformation into anhydrite represent an unlikely scenario under
these conditions, due to the slow dehydration rates of gypsum near the predicted
anhydrite-gypsum transition temperature (�18 ıC at the given salinity) (Hardie
1967). Again, one could argue that water activity and corresponding changes in
the hydration of solute precursors are crucial for phase selection in the CaSO4

system – with very high salt contents leading to anhydrite, much like extremely
low water contents caused anhydrite formation in the work of Tritschler et al.
(2015b).

12.3.3 Influence of Additives on Nucleation and Phase
Transformation

Based on numerous studies for a variety of mineral systems, it is a well-established
fact that both organic and inorganic additives can have a substantial influence
on the outcome of crystallization processes, in some cases already at very low
concentrations (e.g., Gebauer et al. 2009). Although this subject has not been
frequently addressed for the calcium sulfate system in the past, there are a few
interesting observations, which shall be summarized in the following.

Probably the most compelling example is found in biomineralization, where
two classes of medusae use bassanite for their gravitational sense (Tienmann et al.
2002; Becker et al. 2005; Boßelmann et al. 2007). The tour de force achieved by
these organisms is twofold: (I) they induce the nucleation, growth, and stabilization
of well-defined macroscopic bassanite crystals at room temperature – something
that in the lab can only be realized above 50 ıC and at extreme high salinity
(see Sect. 12.3.2) (Cruft and Chao 1970; Ossorio et al. 2014); (II) they manage
to stabilize this highly hygroscopic material in a water-rich environment – usually
bassanite transforms immediately into gypsum when put in contact with moisture
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(explaining its scarcity on the Earth’s surface). At present any conclusive mecha-
nistic insights into how this is achieved are lacking, but it is reasonable to assume
that molecules of biological origin (such as proteins, peptides, or polysaccharides)
and/or confinement effects may be responsible for this impressive level of control.
Support for this hypothesis has been reported by Tartaj et al. (2015), who performed
CaSO4 mineralization in carboxy- and amino-functionalized reverse micelles and
observed that strong binding between calcium and carboxylate groups can lead to
long-term (up to 5 months) stabilization of nano-bassanite.

Already in 1980, Cody and Hull studied the influence of organic crystal-
lization inhibitors on the precipitation pathway of calcium sulfate close to the
gypsum/anhydrite transition temperature (i.e., 60 ıC) and at moderate salinity
(Cody and Hull 1980). First, they tested the effect of a range of different additives
in diffusion-controlled crystallization experiments, where in the absence of any
additives only gypsum was formed (over a remarkable period of up to 4 years). The
presence of polycarboxylates and phosphate esters changed the picture completely,
as anhydrite was the only product detected after 60 days. In a second set of
controlled mixing experiments, anhydrite was formed both by direct precipitation
from solution and via transformation of initially nucleated gypsum and/or bassanite,
again under the influence of the mentioned organic species. The authors proposed
that the primary role of the polymeric additives was to inhibit gypsum and
bassanite crystallization, rather than accelerating anhydrite nucleation. However, the
particular mechanism and the question whether (and under which conditions) the
formation of anhydrite involves a precursor remained unresolved. Nevertheless, it
seems clear that certain polymers can promote anhydrite crystallization at relatively
low temperatures, which is not possible in pure CaSO4 solutions.

Along with the more recent finding that amorphous calcium sulfate and/or
bassanite may precede the formation of gypsum in aqueous solutions at ambient
conditions (Wang et al. 2012; Van Driessche et al. 2012; Saha et al. 2012; Jones
2012), the influence of additives on the precipitation pathway and the (meta)stability
of the different precursors received further attention. In the cryo-TEM work of Saha
et al. (2012), added citrate ions were found to stabilize the initial disordered phase
and thus delayed its transformation into gypsum. Wang and Meldrum (2012) per-
formed another study in which CaSO4 precipitation was carried out in the presence
of polyacrylic acid (PAA), polystyrene sulfonate (PSS), sodium triphosphate, and
Mg2C ions. In essence, the results suggested that all these additives, except PSS,
can retard the transformation of both amorphous calcium sulfate and bassanite to
a greater or lesser extent. For instance, 200 �g/mL PAA were found to increase
the lifetime of ACS and bassanite particles to a few minutes and more than 3 days,
respectively. This effect was also observed by Rabizadeh et al. (2014), who showed
that even at lower concentrations (5–20 �g/mL) carboxylic acids can change the
induction times and stabilize bassanite prior to its transformation to gypsum. In the
work of Wang and Meldrum (2012), sodium triphosphate showed similar behavior
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at 20 �g/mL, while the presence of magnesium (at a Mg2C/Ca2C ratio of 2:1)
stabilized mainly bassanite (up to 2 days). Although this appears to be a promising
concept to control CaSO4 mineralization, we note that the procedure used in these
studies for isolation and analysis of the precursor phases from solution involved
quenching in ethanol – a step that has proven to be critical and may affect phase
composition or even induce the formation of structures that were actually not present
before (Tritschler et al. 2015a, b). A different approach to the stabilization of
ACS and bassanite was reported by Nissinen et al. (2014), who dissolved calcium
sulfate in N-methylmorpholine N-oxide (NMMO) along with cellulose at 80 ıC and
prepared thin films by spin-coating and subsequent hydration. The resulting CaSO4

phase was determined by the rate of hydration – once more highlighting the key role
of water availability in the precipitation process.

12.3.4 Toward a General Model for CaSO4 Precipitation
from Solution

In the previous sections, we have discussed a number of early and more recent
studies on the crystallization of calcium sulfate from solution. While at first
sight there seems to be quite some disagreement between the various reported
observations, closer examination and consideration of the details intrinsic to each
work suggest that all the evidence is converging into a unified general picture of
CaSO4 mineralization. In Fig. 12.6 we have sketched out our opinion about the key
stages along the pathway from homogeneous solutions to crystalline phases.

In undersaturated solutions, calcium and sulfate occur both as individual ions
and ion pairs (Garrels and Christ 1965). Whether they also form larger species, akin
to the pre-nucleation clusters suggested for other salt systems, is still unclear and
the respective equilibrium constants of ion association remain to be determined.
The evidence so far suggests that when supersaturation is established, primary
nanosized units are formed by the assembly of multiple ions into rather well-defined
elongated entities, the structure of which can be related to any of the possible
crystalline phases. These primary units thus represent sort of a universal CaSO4

proto-structure (see Fig. 12.4). With time and through fluctuations, these primary
units begin to aggregate and condense, yielding domains that initially are mostly
disordered (possibly corresponding to amorphous calcium sulfate, although this is
still debated). These domains consist of the primary units separated by appreciable
amounts of solvent. In order to transform into well-ordered sheets of CaSO4 cores
with more (gypsum), less (bassanite), or no (anhydrite) interspersed H2O layers, the
disordered precursors must reorganize by progressive coalescence of the primary
species into larger units. During this internal rearrangement, there will be local
domains that adopt configurations that are not (yet) fully hydrated and ordered,
especially during the early stages of the transformation process. Therefore, the local
availability of water and the particular degree of hydration of the precursor units
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Fig. 12.6 Proposed mechanism for the nucleation and early growth of calcium sulfate from
solution. Note that the nature of the formed crystalline phase essentially depends on the availability
of water in the medium (respective water contents are quoted) and the hydration of the precursor
units, which is further influenced by temperature and salinity (tentative conditions are indicated)

control which crystalline phase is favored under the given conditions. As both of
these factors are inherently time-dependent, kinetics are likely to have a strong
impact on the final outcome. Once structural rearrangement has afforded an ordered
lattice (i.e., the crystalline state has nucleated), growth takes over and rapidly yields
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larger particles due to the high concentration of (still disordered) CaSO4 units in the
local microenvironment. Nevertheless, the actual mechanism of growth remains to
be clarified.

Based on this precipitation scheme, most of the recent (and older) experimental
evidence can be rationalized. Beyond that, this pathway reveals an intriguing
strategy to guide the precipitation process in the calcium sulfate system, namely,
by controlling the available amount of water or, respectively, by modulating the
hydration of the precursor units. Using defined mixtures of organic solvents and
water is a viable approach to achieve this, as demonstrated in the work of Tritschler
et al. (2015a, b). The importance of kinetics in the process has been exemplified
by the experiments of Nissinen et al. (2014), where the differences in the hydration
rate in pure water and water/ethanol mixtures proved to determine phase selection.
Apart from the use of organic solvents, the hydration of the precursor units can
also be influenced in purely aqueous media, namely, by changing salinity and/or
temperature. Increasing any of the two parameters is expected to decrease the
degree of hydration, as higher temperatures should favor the return of hydration
water into the bulk (for entropic reasons) (Paula et al. 1995; Damasceno et al.
2012; Kellermeier et al. 2016), while microscopic osmotic forces should also
remove water from the precursors at high salt content (Di Tommaso et al. 2014).
This hypothesis is supported by the well-established trend that bassanite replaces
gypsum as the primary phase formed at high enough temperatures and/or salinities
(cf. Sect. 12.3.2) (Cruft and Chao 1970; Jiang et al. 2013; Ossorio et al. 2014).
Moreover, it may explain the kinetic inhibition of anhydrite crystallization observed
under various conditions: regardless of any thermodynamic stability fields, it is very
difficult to remove enough water from the precursors in an aqueous environment for
anhydrite to be able to compete with bassanite and gypsum. Drastically decreasing
the availability of water – for example, by working in organic solvents that contain
only trace amounts of H2O (Tritschler et al. 2015b) or by increasing salinity to
extreme values (Cruft and Chao 1970) – can change the situation and induce direct
anhydrite formation, although the particular precipitation procedure seems to play
an important role here as well (Dixon et al. 2015). Finally, it is feasible that additives
such as organic polymers (Cody and Hull 1980; Wang and Meldrum 2012) or Mg2C

ions (Wang and Meldrum 2012) also act upon the initial process of phase selection
and/or the later kinetic stability of nucleated phases by modulating local hydration
phenomena. All these hypotheses await confirmation by further studies.

12.4 Outlook

Although significant advances have been made in our understanding of the pre-
cipitation of solid phases in the CaSO4–H2O system, there is still a considerable
dearth of basic information that is crucial for a complete and comprehensive model
of nucleation, growth, and transformation of the different CaSO4 phases. In our
opinion, the following key issues should be addressed in future work:
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• Unambiguous determination of both bulk and nanoparticle solubilities (and thus
relative stabilities) for the different calcium sulfate phases

• Actual measurements of the degree of hydration at different precursor stages
under various conditions to verify the role of water in the process of phase
selection, along with the influence of additives and other factors like confinement

• Characterization of ion association phenomena in undersaturated solutions with
respective equilibrium constants, existence (or not) of CaSO4 pre-nucleation
clusters (i.e., larger species beyond ion pairs), relation of any such clusters to
the elongated primary species occurring in supersaturated solutions

• Determination of the actual structure and (meta)stability of the primary species
and the driving force triggering their initial aggregation and later crystallization
to one or the other CaSO4 phase

• Identification of the actual nucleation step in the CaSO4–H2O system (i.e., the
stage where an interface emerges), distinction of the observed structures into
solution species (pre-nucleation) and solid particles (post-nucleation)

• More elaborate study of the nucleation pathways of anhydrite and bassanite to
confirm, or refute, the hypotheses made above

• Confirming the existence of a truly disordered (ACS) phase and characterizing
its properties with respect to parameters like local order, solubility, density, etc.

• Clarifying the role of the observed primary species in the growth of macroscopic
calcium sulfate crystals

• Verification of the relevance of the mechanisms described above for CaSO4

formation under real application conditions (e.g., for the case of construction
materials or scaling from hard water)

• Comparison of the precipitation pathways found for calcium sulfate with those
of other important sulfate minerals, such as BaSO4 and SrSO4

While obviously much is left to be unveiled, the progress made over the past few
years promises deeper insights in the near future that will hopefully help to improve
existing calcium sulfate-based materials and possibly become integrated into a still
larger unified picture of crystallization mechanisms from solution in general.
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