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Abstract

Inorganic marine calcium carbonate formation and mineralogy varies
significantly concurrent with the solution composition. During the Phanerozoic, due
to oscillations in the seawater composition, this resulted in the formation of either
dominantly calcite or aragonite. Variations in seawater composition also appear to
have influenced the evolution of biomineralizing organisms. Additionally, many

organisms utilize amorphous calcium carbonate (ACC) during biomineralization.

The occurrence of calcite and aragonite throughout the Phanerozoic and
calcium carbonate biomineralization were investigated. This was done by
determining the influence of solution chemistry (SO4 and Mg) on calcium carbonate
formation, mineralogy and stability via a variety of laboratory and synchrotron

based synthesis experiments.

During the formation of aragonite and calcite, aqueous SO, and the Mg/Ca
ratio both affect the formation of calcite and aragonite. An increase in aqueous SO,
decreases the Mg/Ca ratio at which calcite is destabilized and aragonite becomes
dominant. These results suggest that the models relating seawater chemistry to

calcium carbonate formation needs re-evaluation.

Abiotic ACC crystallization to vaterite occurs in three stages. In the first stage,
ACC crystallizes to vaterite via a spherulitic growth mechanism. The second stage is
characterized by surface particle growth at the expense of ACC. Finally, particle
growth via Ostwald ripening is the only remaining process. This process can be
described as the inorganic analogue to biological ACC crystallization, which is
adjusted by organisms to produce their preferred calcium carbonate polymorph and
morphology. An increase in SO, concentration only decreases the spherulitic growth
rate and Ostwald ripening, even when rapidcreekite (as an intermediate) and gypsum

crystallizes.

Finally, SO, promotes the formation of vaterite. Depending on the formation
process this is caused by either the stabilization of vaterite and destabilization of
calcite (slow heterogeneous formation), or by the destabilization and inhibition of

calcite formation (spherulitic growth).
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Chapter 1

Introduction

1.1 Background information

Calcium carbonate minerals (calcite, aragonite and vaterite) have been
observed in many environments throughout geological history (MORSE and
MACKENZIE, 1990). They can form inorganically in many marine and alkaline fresh
water environments and are also the most abundant biologically formed minerals
(biominerals) (Cusack and FReer, 2008; LOWENSTAM, 1981; MELDRuM and
COLFEN, 2008; WEINER and Dove, 2003). Due to their inorganic and biological
abundance, calcium carbonate minerals play an important role in the global calcium
and carbon biogeochemical cycles (MORSE and MACKENzIE, 1990). Additionally,
calcium carbonate phases with specific properties are also important products in

many industrial processes (MELDRUM and COLFEN, 2008).

The formation and mineralogy of calcium carbonate phases has been shown to
vary concurrently with changing solution chemistry (e.g. composition and pH) (e.g.
BUSENBERG and PLUMMER, 1985; BUSENBERG and PLUMMER, 1989; GEBAUER et
al., 2010; LAM et al., 2007; MoRsE et al., 1997) and physical properties (e.g.
temperature) (e.g. BURTON and WALTER, 1987; MORSE et al., 1997). During the
formation of calcium carbonate minerals, organic and inorganic ions present in
solution (in addition to calcium and carbonate) may adsorb onto surfaces and
incorporate into the structure (e.g. DAvis et al., 2000; Mucci and MORSE, 1985).
The adsorption and incorporation of such ions varies with concentration, pH and
temperature, causing changes in the crystallinity, composition, morphology and the
dominant calcium carbonate polymorph (e.g. BURTON and WALTER, 1987; LEE and
MoRsE, 2010; MoRSE et al., 1997). Due to these processes, calcium carbonate
minerals record the chemical and physical condition of the formation environments
and are thus widely used as paleoproxies to reconstruct past ocean conditions (e.g.
Phanerozoic seawater composition and temperature; the last ~550 million years)

(Cusack and FREER, 2008). Two main paleoproxies often used to reconstruct the
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past seawater chemistry and the temperature are trace element composition (e.g.
Mg/Ca, Sr etc.) (CusAck and FREER, 2008; OKAFOR et al., 2009; de VILLIERS et al.,
2002; Yu et al., 2005) and isotopic composition (C, O, S) (GILL et al., 2007; GILL et
al., 2011; KaH et al., 2004; NEWTON et al., 2011; PAYTAN et al., 1998; PAYTAN et

al., 2004; WORTMANN and CHERNYAVSKY, 2007).

The use of paleoproxy data in combination with information on the
composition of evaporite fluid inclusions has helped to understand the chemical
evolution of the Phanerozoic seawater (HORITA et al., 2002; KOVALEVICH et al.,
1998; LOWENSTEIN et al., 2003; LOWENSTEIN et al., 2001; TIMOFEEFF et al., 2006;
ZIMMERMANN, 2000). This revealed that the chemical composition of Phanerozoic
seawater oscillated between calcium chloride rich and magnesium sulfate rich
(HorITA et al., 2002). However, the exact magnitudes of the seawater compositional
oscillations are still debated due to the lack of any unaltered ancient seawater
samples. It is however known that during the Phanerozoic, the seawater composition
caused the dominant primary (abiotic) calcium carbonate phase to oscillate between
calcite and aragonite (HARDIE, 1996; LOWENSTEIN et al., 2003; SANDBERG, 1983).
These calcite and aragonite dominant periods are now known as calcite and
aragonite seas (SANDBERG, 1983). The main control on the oscillation between
calcite and aragonite seas is believed to be the seawater magnesium to calcium ratio
(MoORSsE et al., 1997; STANLEY, 2006). At low magnesium to calcium ratios (< 1~2),
calcite formation is dominant, while at higher magnesium to calcium ratios and
aragonite formation becomes dominant. However, the sulfate concentration also
oscillated concurrent to oscillations of the magnesium to calcium ratio in seawater
during the Phanerozoic (HORITA et al., 2002). This suggests that the sulfate
concentration in addition to the magnesium to calcium ratio might be an important
factor influencing the formation of calcite and aragonite (RAILSBACK and
ANDERSON, 1987). However, the control of sulfate on the oscillations between the
calcite and aragonite seas has so far largely been overlooked (LEE and MORSE,
2010).

In addition to affecting the primary calcium carbonate mineralogy, oscillations
in the seawater composition have also influenced the dominant calcium carbonate
minerals formed by organisms (KNoLL, 2003; MARTIN, 1995; PORTER, 2007;
PORTER, 2010). Organisms usually form the calcium carbonate phase most

thermodynamically stable at the time of origin; they rarely deviate from this,
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following changes in seawater composition (PORTER, 2007; PORTER, 2010). This is
further complicated by the recognition that many organisms utilize amorphous
calcium carbonate (ACC) to control the morphology, mineralogy and physical
properties of their final crystalline products (MELDRUM and COLFEN, 2008; WEINER
and Dove, 2003). Organisms can exert control on ACC crystallization (e.g. to
calcite or aragonite) through, for example, directing the crystallization process by
using proteins or other organic molecules to act as a crystallization template (e.g.
POUGET et al., 2009). ACC crystallization processes that occur during
biomineralization have also informed many (industrial) biomimetic processes, for
example, in dyestuff pigment synthesis (GOweR, 2008; MELDRUM and COLFEN,
2008). ACC is unstable and rapidly crystallizes to calcite, aragonite or vaterite
(NJEGIC-DzAKULA et al., 2010; GEBAUER et al., 2010; OGINO et al., 1987;
RODRIGUEZ-BLANCO et al., 2011). Several mechanisms have been proposed for
abiotic ACC crystallization. It is thought to occur via initial dehydration of ACC
(RODRIGUEZ-BLANCO et al., 2011), which is followed by either a solid state
(POUuGeT et al, 2010) or a solution mediated crystallization mechanism
(ANDREASSEN, 2005; SHEN et al., 2006; STAVEK et al., 1992; VACASSY et al., 2000).
The exact mechanisms of inorganic ACC crystallization are not yet clear due to the

inherent instability of ACC and the rapid kinetics of crystallization.

Even though various effects of changes in solution chemistry (e.g. pH and
composition) on the formation, transformation and structure of calcium carbonate
phases, have been studied widely, the effect of aqueous sulfate (in combination with
that of magnesium) on these processes have so far not been quantified. Additionally,
studies have proposed several mechanisms of ACC crystallization, but a clear
picture of the fundamental processes (and their relation to biomineralization and

biomimetic processes) is still lacking.

1.2 Research objectives

Hence, the research objectives of this project were to determine the effects of
sulfate (in combination with magnesium) on the formation, transformation and

mineralogy of calcium carbonate phases and additionally to relate these processes to



-4 -

the formation of calcium carbonate phases in natural environments and during

biomineralization. The research objectives can be divided into three main areas:

(1) To determine the chemical controls on the occurrence of calcite and
aragonite seas during the Phanerozoic by examining how the solution
composition (i.e. sulfate and magnesium) affects the formation and
stability of calcium carbonate polymorphs.

(2) To determine the abiotic mechanism of ACC crystallization and how
sulfate affects this process.

(3) To determine how and why the thermodynamically metastable calcium

carbonate phase, vaterite, can be synthesized and stabilized using sulfate.

1.3 Experimental approaches

All research approaches are described in detail in chapter 3. A brief overview

is given in this section to highlight the novelty of the approaches used in this thesis.

Solution based constant addition crystallization experiments were performed to
determine the effects of variations in solution composition (i.e. magnesium and
sulfate) on the calcium carbonate polymorph that precipitated. This was done by
performing controlled, constant addition batch experiments, where heterogeneous
nucleation of calcium carbonate was induced on glass spheres (to mimic odid
formation) and only the magnesium and sulfate concentrations were varied. Both,
the variations in solution composition and the variations in the calcium carbonate
solids that precipitated were analysed for their chemical composition and

mineralogy to quantify the role and effects of the solution composition.

In a second set of experiments, the crystallization of ACC was followed by
homogeneous precipitation experiments. These experiments were performed at high
initial supersaturation to be able to follow the crystallization reaction in situ using
synchrotron based scattering techniques. The results from these in situ experiments
were combined with off-line characterization of the solid phases and solution

composition to derive the crystallization kinetics and mechanisms. Additionally, the
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sulfate concentration was varied to quantify the influence of sulfate on the

crystallization kinetics and mechanisms.

Finally, in a second set of homogeneous precipitation experiments, the effect
of sulfate on the nucleation and growth of vaterite was investigated using varying
sulfate concentrations during the experiments. Furthermore, room temperature aging
in solution was used to quantify the conditions under which vaterite can be
stabilized. To determine the effect of sulfate on the structure and stability of vaterite,
a variety of structural and chemical analytical tools were used.

1.4 Thesis outline

This thesis consists of eight chapters. This introductory chapter 1 is followed
by chapter 2, which provides an overview of the literature on the effects of solution
chemistry on calcium carbonate formation, transformation and mineralogy and
summarizes the known occurrence of calcium carbonate minerals throughout the
geological history. Chapter 3 contains a detailed description of all experimental and
analytical methods (including the development of two analytical methods) used
during this PhD project. This is followed by four results chapters. Chapter 4
describes the influence of aqueous sulfate and magnesium on calcium carbonate
formation and mineralogy, and the relation to Phanerozoic seawater composition.
Chapter 5 and 6 describe the mechanisms of ACC crystallization in the absence and
presence, respectively, of increasing sulfate concentrations. Chapter 7 describes the
formation, stability and structure of vaterite formed in the presence of aqueous
sulfate. Finally, the results from chapter 4 to 7 are summarized and discussed in

chapter 8.



Chapter 2

Literature review

This chapter summarizes the literature on the influences of the solution
composition on calcium carbonate formation and mineralogy. Additionally, the
literature on the Phanerozoic seawater chemistry and biomineralization are

summarized. This chapter is divided into 5 sections:

(1) Calcium carbonate mineralogy

(2) Amorphous Calcium Carbonate (ACC) crystallization

(3) The influences of solution chemistry on the formation of calcium carbonate
phases

(4) The Phanerozoic seawater composition and the dominant calcium carbonate
mineralogy formed during the Phanerozoic

(5) Biomineralization

2.1 CaCOj3; mineralogy

The two most dominant anhydrous CaCO3; minerals that occur in nature are
calcite and aragonite, which have a rhombohedral and orthorhombic crystal system,
respectively (Table 2.1, DE VILLIERS, 1971; MARKGRAF and REEDER, 1985). A
third, rare, anhydrous CaCO3 mineral that can occur in nature is vaterite. Several
refinements have determined that vaterite has either a hexagonal or orthorhombic
crystal system (KAMHI, 1963; LE BAIL et al., 2011; MEDEIROS et al., 2007; MEYER,
1960; MEYER, 1969; WANG and BECKER, 2009). From the three anhydrous minerals,
calcite is most stable under ambient conditions and vaterite is least stable (PLUMMER
and BUSENBERG, 1982). Aragonite is most stable at high pressure and low
temperature while vaterite is thought to be stable at low temperature and pressure
(Figure 2.1, ALBRIGHT, 1971). The structure of calcite is characterized by layers of
alternating 6-fold coordinated calcium ions with layers of carbonate ions (Figure
2.2A, GRAF, 1961; MARKGRAF and REEDER, 1985). In comparison, dolomite
(CapsMgopsCO3) has the same crystal system as calcite and alternating layers of

calcium (and magnesium) and carbonate ions. However, in dolomite every second
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calcium layer is exchanged for a magnesium layer (ALTHOFF, 1977). The structure

of aragonite resemblances a hexagonal close packed structure, where the calcium

ions are 9-fold coordinated (Figure 2.2B, DE VILLIERS, 1971). Hence, the aragonite

structure is more dense compared to the calcite structure (APPELO and POSTMA,

2005). In contrast, vaterite has a less dense structure compared to calcite and

aragonite. However, the exact nature to the vaterite crystal system is still debated.

The calcium ions in the vaterite structure have been determined to be either 6 or 8-

fold coordinated in a hexagonal sub-lattice (Figure 2.3, KAMHI, 1963; LE BAIL et al.,

2011; MEYER, 1960; MEYER, 1969) with carbonate planes aligned roughly parallel
to the c-axis (Figure 2.3, KAMHI, 1963; MEYER, 1960; MEYER, 1969). However, the
carbonate ions in the vaterite structure have a high degree of disorder (LE BAIL et al.,
2011; MEDEIROS et al., 2007; MEYER, 1969; WANG and BECKER, 2009).

Table 2.1 Mineralogical and solubility information for known calcium carbonate
phases; *the hexagonal crystal system described by KAmMHI (1963) is listed in
this table because this crystal system is most widely used in the literature
(TANG et al., 2009)

Mineral name Chemical Crystal system  Crystal system  Reference -log Kgp Reference
formula A (at 25°C)
Dolomite CaysMgosCO4 Rhombohedral a=4.8079 (GRAF, 8.55 (AppPELO and
¢ =16.010 1961) PosTmA, 2005)
Calcite CaCO, Rhombohedral a =4.9900 (GRAF, 8.48 (PLUMMER and
c=17.061 1961) BUSENBERG, 1982)
Aragonite CaCO; Orthorhombic  a=4.9614 (DE 8.34 (PLUMMER and
b=7.9671 VILLIERS, BUSENBERG, 1982)
¢ =5.7404 1971)
Vaterite* CaCO; Hexagonal a=4.13 (KAMHI, 7.73 (PLUMMER and
c=8.49 1963) BUSENBERG, 1982)
Monohydrocalcite  CaCO3-H,0O Hexagonal a=10.5547 (SWAINSON, 7.6 (HuLL and
¢ =7.5644 2008) TURNBULL, 1973)
Ikaite CaC03:6H,0 Monoclinic a=8.8053 (LENNIE et 6.59 (BiscHoFF et al.,
b =18.3138 al., 2004) 1993)
c=11.0328
B=110.598
ACC CaC03:0-1.6H,0  Amorphous - (RADHA et 6.40 (BRECEVIC and

al., 2010)

NIELSEN, 1989)
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Figure 2.1 Proposed phase diagrom of calcite, aragonite and vaterite at different
pressures and temperatures (ALBRIGHT, 1971)

Figure 2.2 The crystal structure of (A) calcite and (B) aragonite using the crystal
systems described in Table 2.1; the green, grey and red spheres represent
calcium, carbon and oxygen respectively, and the thin lines represent the unit
cell edges
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Figure 2.3 Two proposed crystal structures of vaterite (A) orthorhombic (MEYER,
1960) and (B) hexagonal (Table 2.1; KamHI, 1963); the black, grey and light
grey spheres represent calcium, carbon and oxygen respectively, and the
dashed boxes represent the unit cell edges

In addition to the three anhydrous minerals, two less stable hydrated calcium
carbonate minerals can form in nature. These are monohydrocalcite (hexagonal
CaC03-H,0) and ikaite (monoclinic CaCO3-6H,0). The monohydrocalcite structure
is characterized by screw axes (parallel to the c-axis) of carbonate and 8-fold
coordinated calcium ions. Additionally, structural water is situated in between the
screw axes and bound to the carbonate ions via hydrogen bridges (SWAINSON,
2008). Monohydrocalcite is thought to be metastable under all conditions (HuLL and
TURNBULL, 1973). However, monohydrocalcite does form in some (predominantly
freshwater) environments (DAHL and BUCHARDT, 2006). The structure of ikaite is
characterized by hydrated calcium carbonate chains, which are aligned along the a-
axis. The hydrated calcium carbonate chains are linked together by hydrogen bonds
and the calcium ions are 8-fold coordinated (LENNIE et al., 2004). Ikaite has been
determined to be stable at high pressure and low temperatures in an alkaline aqueous
environment (BISCHOFF et al., 1993; MARLAND, 1975; SHAHAR et al., 2005) and has
been observed in bottom waters in fjords and on deep sea floors (JANSEN et al.,
1987).

Finally, the least stable calcium carbonate phase that has been identified is
amorphous calcium carbonate (ACC). Research suggested that nanoparticulate ACC
preferentially forms over nanoparticulate crystalline calcium carbonate phases due

to a low energetic barrier for ACC nucleation and growth (RAITERI and GALE, 2010;
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TRIBELLO et al., 2009). However, in nature, ACC has so far predominantly been
identified as an intermediate phase during biomineralization (ADDADI et al., 2003;
Cusack and FREER, 2008; MELDRUM and COLFEN, 2008; WEINER and DovE, 2003,
see also Section 2.5). Structural characterization of ACC indicates that this phase
has no long range (>15 A) order (GoopwiN et al., 2010; MICHEL et al., 2008;
QUIGLEY and RODGER, 2008) and is characterized by calcium rich and carbonate
rich regions (Figure 2.4, GoobwIN et al., 2010). The short range order (<15 A)
resembles the short range order of either one or multiple crystalline calcium
carbonate phases (GEBAUER et al., 2010; LAM et al., 2007; TRIBELLO et al., 2009).
Finally, the short range order and stability depend on the synthesis method (e.g.: pH
and Mg, GEBAUER et al., 2010; LAM et al., 2007), the organic versus inorganic
origin (RADHA et al., 2010) and the hydration of the ACC phase (RADHA et al.,
2010).

Figure 2.4 Stereographic representation of the structure of ACC (GoobwiIN et al.,
2010), the calcium rich regions are represented with the red sticks and the
carbonate rich regions are represented with the blue surfaces

2.2 ACC crystallization

In general, in solutions highly supersaturated with respect to the crystalline
calcium carbonate phases, the first phase that forms is ACC (NJEGIC-DzZAKULA et
al., 2010; OcGINO et al., 1987; RODRIGUEZ-BLANCO et al., 2011). Furthermore,
RADHA et al. (2010) calculated the formation enthalpy of several different ACC

phases (with different origins and different amounts of structural water) in relation
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to the crystalline calcium carbonates. They showed that energetically the sequence
of increasing stability and therefore the crystallization pathway (according to the
Ostwald step rule, VAN SANTEN, 1984) should be as follows: disordered, hydrated
ACC - less disordered, less hydrated ACC - anhydrous ACC -> vaterite >
aragonite - calcite (RADHA et al., 2010). This sequence shows that ACC can act as

a precursor to any of the anhydrous crystalline phases.

ACC crystallization is thought to be initiated by destabilizing ACC due to
particle growth (RAITERI and GALE, 2010). Depending on the mode of ACC
formation (e.g. pH, additive and T), ACC can initially transform to all three
anhydrous calcium carbonate polymorphs (calcite, aragonite and vaterite, GEBAUER
et al., 2010; OGINO et al., 1987; RODRIGUEZ-BLANCO et al., in press). In inorganic
systems, ACC crystallization often proceeds via the formation of transient vaterite
(ANDREASSEN, 2005; POUGET et al., 2010; RODRIGUEZ-BLANCO et al., 2011). The
crystallization of ACC to vaterite generally occurs in seconds to minutes
(RODRIGUEZ-BLANCO et al., 2011). To date, several different mechanisms for the
ACC crystallization to vaterite transformation have been proposed. Many studies
suggested that ACC dissolves and vaterite spheres form via homogeneous nucleation
of nanocrystalline vaterite particles, followed by fast aggregation to form pm sized
polycrystalline spheres (SHEN et al., 2006; STAVEK et al., 1992; VACASSY et al.,
2000). A solid state mechanism for the ACC to vaterite crystallization has also been
proposed, with the ACC particles dehydrating and recrystallizing to form vaterite
(PouceT et al.,, 2010). Finally, a study based on imaging of inorganically
precipitated vaterite, suggested that vaterite forms via ACC dissolution coupled to
spherulitic growth (ANDREASSEN, 2005). After vaterite is fully formed, vaterite
generally transforms to the most stable calcium carbonate polymorph, calcite. The
mechanism of this latter crystallization stage (to stable calcite) has been shown to
proceed via the dissolution of vaterite and precipitation of calcite, with the rate of
transformation controlled by the surface area of calcite (OcINO et al., 1990;

RODRIGUEZ-BLANCO et al., 2011).
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2.3 Chemical factors influencing the precipitation and stability of
CaCOs;

In order to understand the influence of the chemical composition on the
formation and stability of CaCO3; phases, the basic precipitation and dissolution
reactions of these phases need to be understood. Eq. 2.1 shows the most common
and elemental dissolution/precipitation reaction. The chemical solubility product
(Ksp) is derived from this reaction equation (Eq 2.2, ApPELO and POSTMA, 2005;
DREVER, 1997).

CaC05 & Ca*t + CO3~

(Eq. 2.1)

KSp = aca2+ acog—

(Eq. 2.2)

In Eq. 2.2, a represents the aqueous activity of the chemical species in the subscript.

When CaCOgs dissolves in environments with a pH less than ~10.3 (i.e. acpz- <
ancos), the released carbonate (Eq. 2.1) will react with H* to form bicarbonate

(APPELO and PosTMA, 2005). This increases the pH of the system and decrease the
amount of aqueous CO,, resulting in an average dissolution/precipitation reaction as

shown in Eq. 2.3.

€O, + H,0 & H* + HCO3

CaCO; + HY & Ca*t + HCO3

CaCOs + CO, + H,0 & Ca®* + 2HCO3

(Eq. 2.3)

Eq. 2.3 represents the average stoichiometry better as most natural systems have a
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pH less then 9. Eqg. 2.3 indicates that when CO, levels increase, calcium carbonate
will dissolve. Dissolution and precipitation is thus able to (partly) buffer the CO,
concentration (Eqg. 2.3, ARVIDSON et al., 2006a). In addition to the calcium and
carbonate chemistry (Eq. 2.1 and 2.3), the presence of other ions can alter calcium
carbonate formation (and dissolution) processes (BISCHOFF, 1968; BISCHOFF and
FYFE, 1968; BURTON and WALTER, 1987; DAvis et al., 2000; Ruiz-AGuDo et al.,
2009; WALTER, 1986). This is thought to occur via the adsorption of these ions onto
growth sites (DAviS et al., 2000; MEYER, 1984) and by changing the stability of the
phase due to incorporation (DAvIS et al., 2000; SHTUKENBERG et al., 2006).

Incorporation of ions besides calcium and carbonate causes the formation of a
solid solution. In general, the chemical composition of a solid solution reflects the
solution chemistry (DOERNER and HOSKINS, 1925; HENDERSON and KRACEK, 1927;
MOoRSE and BENDER, 1990). The chemical reaction described in Eg. 2.4 was used to
describe the solid solution: (Ca,A)COg3 (where A represents a second divalent cation)
in equilibrium with a specific solution chemistry. From Eq. 2.4, the distribution
coefficient (Da/ca), for the incorporation of cations into calcium carbonate, can be
calculated (Eqg. 2.5).

CaCO; + A%+ & ACO4 + Ca?t

(Eq. 2.4)

Xaco, /
Xcaco,

DA/Ca = mA2+/
Meg2+

(Eq. 2.5)

In Eq. 2.5, X denotes the fraction of the solid species in the subscript and m denotes
the molarity of the aqueous species in the subscript. The distribution coefficient
describes the relation between a solid solution and an aqueous solution (DOERNER

and HoskINs, 1925; HENDERSON and KRACEK, 1927; MORSE and BENDER, 1990).

Although the distribution coefficient was initially thought to be constant, it is

now clear that many thermodynamic and kinetic factors influence the distribution
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coefficient (BUSENBERG and PLUMMER, 1985; BUSENBERG and PLUMMER, 1989;
KuLIk et al., 2010; Mucci, 1986; Muccl and MoRsE, 1983; PRIETO et al., 2000;
TESORIERO and PANKOw, 1996). At thermodynamic equilibrium, the distribution
coefficient is governed by the activity of the solid species (GLYNN, 2000; GLYNN
and REARDON, 1990; PrIETO, 2009) and the stability of the solid solution with
respect to the chemical composition of the aqueous solution (GAMSIAGER et al.,
2000; KORNICKER et al., 1991; KuLlk, 2006; KuLlk et al., 2010). The
thermodynamic equilibrium between a solid solution and aqueous solution can be
represented with a Lippmann diagram (GAMSJAGER et al., 2000; GLYNN, 2000;
KuLIK, 2006; KuLIK et al., 2010; PrRIETO, 2009; SHTUKENBERG et al., 2006). Figure
2.5 shows an example of a Lippmann diagram, representing the solid solution —
aqueous solution series between calcite and dolomite (KuLIk, 2006). The horizontal
axis represents the solid ()2) and solution (y2,4q) fraction of dolomite (Figure 2.5).
The vertical axis represents the total solubility of the solid solution and the ion
activity product of the solution chemistry in equilibrium with the respective solid
solution (Figure 2.5). However, thermodynamic equilibrium is rarely reached in

natural systems (DE YOREO et al., 2009; SHTUKENBERG et al., 2006).
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Figure 2.5 Computed Lippmann diagram from the calcite dolomite solid solution
series (KULIK, 2006); x> is the solid fraction and y» a4 is the aqueous fraction of
dolomite and logX1I is the total solubility/ion activity product of the
corresponding calcite-dolomite solid solution/aqueous solution

5 .
EI = acgz- - [aCa2+ + (aggz+)%s - (aMgz+)O ]), the lower solid curve

represents the aqueous fraction of dolomite in equilibrium with a solid solution
with a composition represented by the upper curve (e.g. the solid solutions in
equilibrium with a solution with the chemical composition (x2,aq) represented
by the eutectic point (E) are represented by solids with a composition (x2)
represented by B1 and B2) the squares represent experimentally obtained
solubility products, determined via stoichiometry dissolution (BISCHOFF et al.,
1987)

2.3.1 Magnesium

In the presence of magnesium in solution, calcium in the calcite structure can
be exchanged for magnesium (Figure 2.5). The incorporation of magnesium into
calcite can be expressed as a function of the aqueous magnesium to calcium ratio as
described in Eq. 2.4. Calcite with magnesium incorporated is also called magnesian
calcite (APPELO and POSTMA, 2005; MoRSE and MACKENZIE, 1990; PAQUETTE and
REEDER, 1990; STANLEY, 2006; WALTER and MORSE, 1984). The distribution
coefficient for magnesium varies with, for example, the growth rate and the
magnesium and calcium concentrations (BERNER, 1978; BURTON and WALTER,
1991; BUSENBERG and PLUMMER, 1989; DE YOREO et al., 2009; MoRsE et al., 2007;
MoRsE and BENDER, 1990; Muccl and MoRsE, 1983). Many studies have shown

that the incorporation of magnesium into calcite reduces the thermodynamic stability
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and increases the solubility of (magnesian) calcite (Figure 2.6, BUSENBERG and
PLUMMER, 1989; DAVIs et al., 2000; KONIGSBERGER and GAMSJAGER, 1992; KULIK,
2006). The decrease in calcite stability is caused by the introduction of a disorder in
the calcite lattice due to the difference in size between the calcium and magnesium
ions (BERNER, 1975; Muccl and MoRsg, 1983). Additionally, due to the smaller
size of the magnesium compared to the calcium ion, the incorporation of magnesium
also induces a decrease in the size of the unit cell of calcite (ALTHOFF, 1977;
BiscHOFF et al., 1983; GoLDsMITH and GRAF, 1958; GOLDSMITH et al., 1961;

PAQUETTE and REEDER, 1990).
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Figure 2.6 The effect of the incorporation of magnesium on the solubility product
of calcite (BUSENBERG and PLUMMER, 1989), the figure includes data
described by BiscHOFF et al. (1987) and Muccl and MORSE (1984)

Magnesium ions are more strongly hydrated than calcium ions, which
increases the kinetic barrier for calcite (and dolomite) nucleation and crystal growth
when magnesium is adsorbed onto mineral surfaces by poisoning calcite (and
dolomite) growth sites (DE YOREO et al., 2009; LIPPMANN, 1973; LOSTE et al.,
2003). The adsorption of magnesium on aragonite is about 30 times less than on
calcite (Mucci and MoRsg, 1985). Additionally, magnesium incorporation into
aragonite is negligible (ArPELO and POSTMA, 2005). From this it has been concluded
that magnesium has no significant influence on the precipitation and thermodynamic
stability of aragonite (BERNER, 1975; GUTJAHR et al., 1996). This indicates that the

incorporation of magnesium into calcite reduces its stability with respect to
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aragonite (BERNER, 1975; BUSENBERG and PLUMMER, 1989; DAvis et al., 2000;
GUTIAHR et al., 1996). An increase in the magnesium to calcium ratio in solution
will thus promote the precipitation of aragonite over calcite and at aqueous
magnesium to calcium ratios above about 1-2, only aragonite precipitates due to the
inhibition and destabilization of calcite (DE CHOUDENS-SANCHEZ and GONZALEZ,
2009; FALINI et al., 1994; MORSE et al., 1997; PARK et al., 2008). Additionally, at
ambient conditions, the formation of dolomite is inhibited even though dolomite is
thermodynamically more stable than both calcite and aragonite (ARVIDSON and
MACKENZIE, 1999; GARRELS et al., 1960). This is due to a combination of highly
ordered magnesium layers in the dolomite structure, high adsorption of magnesium
on dolomite surfaces and the strong hydration of magnesium ions, causing a high
energetic barrier for dolomite precipitation to overcome (ALTHOFF, 1977). In
contrast, due to the strong hydration of magnesium, the incorporation of magnesium
into ACC increases the stability and formation of ACC (LOSTE et al., 2003).

In addition to the destabilizing effects of magnesium on calcite, the
incorporation and adsorption of magnesium also affect the morphology of calcite. In
the presence of magnesium, calcite rhombohedrals have a more rounded appearance
than without magnesium. GIVEN and WILKINSON (1985) concluded that the supply
rate of carbonate ions controls the calcite morphology and that the magnesium to
calcite ratio is only an indirect factor, through influencing the rate of calcite
precipitation. However, later studies showed that the adsorption and incorporation of
magnesium at specific growth steps on calcite surfaces cause a change in calcite
morphology (DAvis et al., 2004; GUTJAHR et al., 1996; WASYLENKI et al., 2005).
Calcite surfaces can have different types of steps, where smaller ions prefer the
acute steps and larger ions prefer the obtuse steps. Hence, magnesium adsorbs
preferentially on acute steps leading to a larger crystallization barrier at these steps
compared to the obtuse steps. The step specific adsorption of magnesium decreases
the calcite growth kinetics dominantly at the acute steps causing the calcite crystals
to become elongated (DAvViIs et al., 2004; MeELDRUM and HYDE, 2001). Finally, the
step specific incorporation of magnesium causes strain in the unit cell lattice
predominantly along the acute steps, which causes the calcite crystals to become
more rounded (DAvViIS et al., 2004; FALINI et al., 1994; ZHANG and DAWE, 2000).
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2.3.2 Sulfate

Sulfate substitutes for carbonate in the calcite structure when sulfate is present
in solution (Figure 2.7, BUSENBERG and PLUMMER, 1985; KONTREC et al., 2004,
PINGITORE et al., 1995). This indicates that the distribution coefficient is likely to be
a function of the aqueous sulfate to carbonate ratio (BUSENBERG and PLUMMER,
1985; PINGITORE et al., 1995). Additionally, the incorporation of sulfate into calcite
and aragonite decreases their thermodynamic stability and increases their solubility
(Figure 2.8, BUSENBERG and PLUMMER, 1985; BUSENBERG and PLUMMER, 1989;
FERNANDEZ-DIAz et al., 2010). Sulfate incorporation into calcite increases the size
of the unit cell of calcite due to the substitution of a planer carbonate for a tetragonal
sulfate ion (Figure 2.7, KONTREC et al., 2004).
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Figure 2.7 Schematics of the exchange of carbonate (a) and sulfate (b) in the calcite
structure highlighting the increase in the length of the ¢ axis (00l) caused by
this exchange (KONTREC et al., 2004)
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Figure 2.8 The effect of the incorporation of sulfate on the solubility product (K) of
calcite (BUSENBERG and PLUMMER, 1989)

Sulfate incorporation into the calcite structure has been proposed to promote
the amount of magnesium incorporation (BUSENBERG and PLUMMER, 1985;
TAKANO, 1985) in order to compensate for the increase of the calcite unit cell caused
by the incorporation of sulfate. However, the presence of sulfate has also been
shown to decrease the incorporation of magnesium, but no explanation on the

mechanism was given (BURTON and WALTER, 1991).

Similar to the effect of magnesium, sulfate decreases the calcite growth
kinetics and has less effect on aragonite growth kinetics (BUSENBERG and PLUMMER,
1985; ZubbAs and Muccl, 1994). Additionally, BURTON (1993) used these
differences in growth Kinetics between calcite and aragonite to determine
experimentally that aragonite preferentially precipitates when both sulfate and
magnesium increase (Figure 2.9). However, only few studies tried to determine the
effect of sulfate on the precipitated polymorphs directly (DONER and PRATT, 1969;
FERNANDEZ-DIAz et al., 2010; KITANO, 1962; SiMKISS, 1964). These studies have
shown that an increase in the sulfate concentration promoted the precipitation of
either vaterite (due to the stabilization of vaterite by sulfate incorporation, DONER
and PRATT, 1969; FERNANDEZz-DiAz et al., 2010; SiMKiIss, 1964) or aragonite (but

the mechanism was not discussed, KITANO, 1962) instead of calcite.
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Figure 2.9 The effect of sulfate and the magnesium to calcium ratio in solution on
the precipitation of calcite and aragonite as determined from seeded kinetic
experiments; the curved lines represent the activities where calcite and
aragonite formation kinetics are equal and the numbers along these lines
represent the supersaturation (BURTON, 1993)

The incorporation of sulfate into vaterite has been determined to increase its
thermodynamic stability and promote its formation by decreasing the vaterite lattice
energy (FERNANDEz-DIAz et al., 2010). However, sulfate does not significantly
incorporate into the structure of ACC (AIZENBERG et al., 2001). Hence, sulfate is not

likely to affect the structure and stability of ACC significantly.

In addition to the effects of sulfate on calcium carbonate mineralogy and
kinetics, as described above, an increase in the sulfate concentration can cause the
precipitation of calcium sulfate phases (DyDo et al., 2003). In nature, three calcium
sulfate minerals occur: gypsum (CaS0O42H,0), bassanite (CaSO,4-0.5H,0) and
anhydrite (CaSQO,4) and to date no amorphous calcium sulfate phase has been
identified. Gypsum has been determined to be stable at low temperature, anhydrite at
high temperature and bassanite at high pressure and intermediate temperature
(MIRWALD, 2008; YAMAMOTO and KENNEDY, 1969). Anhydrite is also stable at high
ionic strength due to a decrease in the activity of water (HARDIE, 1991; HARVIE and
WEARE, 1980; HARVIE et al., 1980; KRUMGALZ, 2001). A rare calcium sulfate —
calcium carbonate phase, rapidcreekite (Ca,S0O4C0O3-4H,0), has also been identified
as a secondary mineral formed during the weathering of siderite (FeCO3) (ROBERTS

et al., 1986), but no information is available on the stability and solubility of
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rapidcreekite. However, at ambient conditions, all (other) calcium sulfate mineral
phases are ~3-4 orders of magnitude more soluble than calcium carbonate minerals
(FReYER and VOIGT, 2003; PLUMMER and BUSENBERG, 1982). Because of the high
solubility, calcium sulfate formation occurs predominantly in evaporitic

environments like the Dead Sea (REzNIK et al., 2011; WARREN, 2010).

2.3.3 pH, alkalinity and pCO,

Calcium carbonate growth has been observed to predominantly utilize calcium
and bicarbonate in solution (Eg. 2.3, PLUMMER et al., 1979; PLUMMER et al., 1978).
However, later studies showed that calcium carbonate growth is a function of the
aqueous calcium to carbonate ratio (instead of bicarbonate), with maximum growth
rates at ratios near unity (NEHRKE et al., 2007; STACK and GRANTHAM, 2010). This
discrepancy, between growth via bicarbonate vs. carbonate, could be caused by the
chemical conditions in the experimental methods. PLUMMER et al. (1978)
determined the preference for bicarbonate in calcite growth via dissolution
experiments at a pH < 7 (PLUMMER et al., 1979) when bicarbonate is the dominant
carbonate species adsorbed on calcite surfaces (WOLTHERS et al., 2008). In contrast,
the later studies followed calcite growth at a higher pH (pH = 10, NEHRKE et al.,
2007; 8 < pH < 9.5, STACK and GRANTHAM, 2010). At pH above ~8.3, carbonate is
the dominant species adsorbed on calcite surfaces (WOLTHERS et al., 2008). As
calcite growth is heavily influenced by surface processes (TENG et al., 2000), the

adsorption of either bicarbonate or carbonate could explain the observed differences.

Changes in the pH and alkalinity can also affect the incorporation of sulfate
and magnesium. The incorporation of sulfate into calcite is thought to be a function
of the aqueous sulfate to carbonate ratio (BUSENBERG and PLUMMER, 1985;
TAKANO, 1985). Hence, a change in calcite growth via either carbonate or
bicarbonate (due to variations in pH) could also change the incorporation of sulfate
into calcite and affect calcite growth kinetics. Additionally, an increase in the
concentration of bicarbonate decreases the amount of magnesium incorporated into
the calcite structure (Figure 2.10, BURTON and WALTER, 1991), which could also

destabilize calcite with respect to aragonite (DAviIs et al., 2000).
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Figure 2.10 The effects of the concentration of bicarbonate on the magnesium
incorporation into calcite (BURTON and WALTER, 1991)

It has also been suggested that an increase in the supersaturation caused by
changes in the pCO, can promote aragonite precipitation by changing the calcium
carbonate growth rates (GIVEN and WILKINSON, 1985). However, the study by
GIVEN and WILKINSON (1985) was based on paleoceanographic models (section 2.4)
and field data. In comparison, a recent experimental study indicated that an increase
in alkalinity by an increase in pCO, would enhance the formation of calcite instead
of aragonite (LEe and MORSE, 2010). However, this study used an experimental set-
up characterized by large changes in the solution chemistry like the calcium and
carbonate concentrations (MORSE et al., 1997). Contrastingly, LEE and MORSE
(2010) determined the effects of alkalinity on the formation of calcium carbonate
with magnesium and sulfate in the solutions. However, they did not take into
account that the incorporation of sulfate into calcite (and aragonite), and hence the
effect of sulfate on the stability of calcite (and aragonite), is likely to be a function
of the sulfate to carbonate ratio (BUSENBERG and PLUMMER, 1985; PINGITORE et al.,
1995).

GEBAUER et al. (2010) determined that the short range order of ACC formed in
a solution with a pH of 8.75 resembles the structure of calcite and ACC formed in a
solution with a pH of 9.8 resembles the structure of vaterite. Also, NEBEL et al.
(2008) determined that ACC does not contain any bicarbonate.
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2.3.4 Temperature

A large range of temperatures have been observed in natural aquatic
environments; in modern environments, surface seawater temperatures can reach as
high as ~29 °C near the equator while bottom seawater is generally ~4 °C (BERNER
and BERNER, 1996). BURTON and WALTER (1991) determined that simultaneous to
an increase in temperature the magnesium incorporation into calcite increased
(Figure 2.10). This increased incorporation of magnesium into calcite inhibited
calcite formation more than aragonite formation (BURTON and WALTER, 1987). As
discussed in section 2.3.1, an increase in magnesium incorporation into calcite
causes a decrease in the stability of calcite with respect to aragonite (Figure 2.6,
BUSENBERG and PLUMMER, 1989). Hence, the magnesium to calcium ratio at which
aragonite precipitation is preferred, decreases at elevated temperatures (Figure 2.11,
MoRsE et al., 1997). This relation has been used to explain the occurrence of
predominantly low Mg-calcite in deep-sea sediments, and the dominance of
aragonite and magnesian calcites (>4 mol% magnesium) in sediments in shallower

and warmer seawater (MORSE et al., 1997).
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Figure 2.11 Temperature versus calcium carbonate mineralogy; the black squares
represent the situation when only calcite precipitates, the white squares
represent the situation when only aragonite precipitates and the split squares
show when calcite precipitates and due to a change in the magnesium to
calcium ratio in solution, caused by the experimental set-up, the calcite is
overgrown by aragonite (MORSE et al., 1997)

High temperature alone also promotes the crystallization of aragonite directly
by decreasing its nucleation energy (OGINO et al., 1987; WRAY and DANIELS, 1957).
Finally, an increase in temperature can also promote dolomite precipitation. Due to a
high activation energy, increasing the temperature can overcome the nucleation
barrier for dolomite precipitation (ARVIDSON and MACKENZIE, 1999; FENTER et al.,
2007).

2.4 The chemical evolution of Phanerozoic seawater

HARDIE (1996) showed that the dominant evaporite sequences formed during
the Phanerozoic included either KCI (sylvite) or MgSQO, (e.g. epsomite) evaporite
minerals. It is also known that the chemical composition of the solutions from which
evaporites form affect the dominant evaporite sequence (HARDIE, 1990; HARDIE,
1991). Hence, it was concluded that the changes in dominant evaporite sequence

was caused by fluctuations in seawater composition, between CaCl, and MgSO,
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dominant seawater (LOWENSTEIN et al., 2003). HARDIE (1996) modelled the
fluctuations in the seawater composition during the Phanerozoic (Figure 2.12) and
proposed that they were predominantly caused by changes in mid-ocean ridge
activity and river water input. At elevated oceanic ridge activity, more oceanic crust
is formed and thus available for serpentinization, taking up magnesium and releasing
calcium to the seawater. An increase in mid-ocean ridge activity also induces
additional orogeny, which causes weathering and weathering fluxes of dissolved
ions to the oceans to increase.
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Figure 2.12 Evolution of seawater chemistry for major ions as predicted by HARDIE
(1996)

Since the recognition that the seawater chemistry fluctuated significantly
(HARDIE, 1996), much research has been done on the chemical evolution of
seawater. However, only indirect evidence is available for Phanerozoic chemical
composition of seawater. Much information on the composition of Phanerozoic
seawater is based on calcium carbonates deposits (CICERO and LOHMANN, 2001;
HARDIE, 1996; HAsSIUK and LOHMANN, 2008), biominerals (DIiCksoN, 2002;
DICKsON, 2004; MARTIN, 1995) and evaporite sequences (HARDIE, 1996). The
chemical composition of sedimentary (bio)minerals reflect the chemistry of the
seawater composition in which they formed. However, diagenesis can alter their
chemical composition significantly (Bubb and LAND, 1990; CORSETTI et al., 2006;

STEUBER and VEIZER, 2002). Halite fluid inclusion composition has also been used
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to extract information about the Phanerozoic seawater chemistry (HORITA et al.,
2002; KoVALEVICH et al., 1998; LOWENSTEIN et al., 2003; LOWENSTEIN et al., 2001;
TIMOFEEFF et al., 2006; ZIMMERMANN, 2000). Fluid inclusions in halite form during
the evaporation of seawater and are preserved as relics of evaporated seawater
(KoVALEVICH et al., 1998). Additionally, the composition of the fluid inclusions is
affected by the degree of evaporation during halite formation and the simultaneous
formation of other evaporitic phases like gypsum and anhydrite (HARDIE, 1990;
KOVALEVICH et al., 1998; ZIMMERMANN, 2001). By performing back calculations
and using several assumptions (e.g.: constant gypsum saturation state), HORITA et al.
(2002), among others, estimated the chemical composition of the original seawater
(HoRITA et al., 2002; KOVALEVICH et al., 1998; ZIMMERMANN, 2001). In contrast to
the model from HARDIE (1996) (Figure 2.12), HORITA et al (2002) determined that
the potassium concentration remained approximately constant at ~10 mM
throughout the Phanerozoic and that the magnesium and sulfate concentrations
fluctuated significantly more (Figure 2.13 and 2.14). However, it is still debated
whether halite fluid inclusions reflect the Phanerozoic seawater chemistry at the
time of the halite deposition (HANOR and McINTOSH, 2006; HousTON et al., 2011;
LoweNsTEIN and TIMOFEEFF, 2008). Finally, sulphur stable isotope ratios (from e.g.
carbonate associated sulfate) have been used to obtain information about the sulfate
concentrations and redox state of the seawater during the Phanerozoic (GILL et al.,
2007; GILL et al., 2011; KAH et al., 2004; NEwTON et al., 2011; PAYTAN et al., 1998;
PAYTAN et al., 2004; WORTMANN and CHERNYAVSKY, 2007). These studies often
reveal significantly lower sulfate concentrations (2-5 mM) than obtained from the
fluid inclusion analyses shown in Figure 2.14 (GILL et al., 2007; GILL et al., 2011;

KAH et al., 2004; NEwWTON et al., 2004; WORTMANN and CHERNYAVSKY, 2007).
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Figure 2.13 Chemical evolution of the magnesium (A) and calcium (B)
concentration during the Phanerozoic as determined from halite fluid
inclusions from: HORITA et al. (2002, dashed lines); the solid lines represent
models from HARDIE (1996), STANLEY and HARDIE (1998), WALLMANN
(2001) and WILKINSON and ALGEO (1989); figure reprinted from HORITA et al.
(2002)
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Figure 2.14 Chemical evolution of the sulfate concentration during the Phanerozoic
as determined from halite fluid inclusions from: HoRITA et al. (2002, dashed
line); the solid line represents the model from HARDIE (1996); figure reprinted
from HORITA et al. (2002)

There are many models of the composition of the Phanerozoic seawater
(ARVIDSON et al., 2006b; BERNER, 2004; DEmIccO et al., 2005; MACKENZIE et al.,
2008; STANLEY and HARDIE, 1998). These models show that the fluctuation in the
Phanerozoic seawater chemistry is not solely influenced by processes at the mid
ocean ridges and river water inputs. A combination of various processes, listed

below, controlled the seawater chemistry during the Phanerozoic.

(1) cation exchange between basalt and seawater due to cycling of seawater
through mid-ocean ridges affects the calcium and magnesium concentration
(ARVIDSON et al., 2006a; BERNER, 2004; Demicco et al., 2005; HOLLAND,
2005; HoRITA et al., 2002; MACKENZIE et al., 2008; STANLEY, 2006; STANLEY
and HARDIE, 1998; WILKINSON et al., 1985);

(2) river water input varied through changes in weathering (caused by e.g.
enhanced uplift) during the Phanerozoic (Demicco et al., 2005; HARDIE, 1996)

(3) wvariation in reverse weathering from which products such as clay minerals and
dissolved ions are transported to the oceans (ARVIDSON et al., 2006b;
HoLLAND, 2005; MACKENZIE et al., 2008; MACKENZIE and Kump, 1995);

(4) changes in cation exchange on clay minerals (HOLLAND, 2005);

(5) changes in precipitation abundance and composition of (bio)minerals
(BERNER, 2004; MACKENZIE et al.,, 2008; RIDGWELL and ZEeBEe, 2005;
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STEUBER and VEIZER, 2002) and evaporites (WORTMANN and CHERNYAVSKY,
2007);

(6) variations in pCO, which influences the concentrations of calcium, inorganic
carbonate chemistry and pH, due to, for example, the enhanced dissolution or
precipitation of carbonate (bio)minerals (MACKENZIE et al., 2008; RIDGWELL
and ZEeBE, 2005; WALLMANN, 2001; WILKINSON et al., 1985);

(7) dolomitization of precipitated calcium carbonates decreases the concentrations
of magnesium in solution (ARVIDSON et al., 2006b; HOLLAND, 2005; HOLLAND

etal., 1996; LOWENSTEIN et al., 2001; MACKENZIE et al., 2008).

The activity of mid-oceanic ridges has also been proposed as a predominantly
indirect force on the seawater chemistry. For example, enhanced spreading rates can
trigger evolution and cause changes in biomineralization due to sea level rise and the
coinciding increase in the proportion of epicontinental seas, forming new niches for
evolution (HOLLAND, 2005; HORITA et al.,, 2002; WILKINSON et al., 1985).
Additionally, enhanced spreading rates can release CO, into the atmosphere and thus
change the calcium carbonate equilibrium in seawater (WALLMANN, 2001;
WILKINSON et al., 1985). Finally, although it is known that the temperature
fluctuated during the Phanerozoic, precise determinations and modelling of the
evolution of temperature and the surface seawater temperature is still debated
(ROYER et al., 2004; WALLMANN, 2004).

2.4.1 Calcite vs. Aragonite seas

It is now recognized that, throughout the Phanerozoic, the primary abiotic
marine calcium carbonate mineralogy oscillated between calcite and aragonite
(Figure 2.15, SANDBERG, 1983) and possibly during the Proterozoic (HARDIE, 2003;
RIEs et al., 2008). These periods are known as calcite and aragonite seas
(SANDBERG, 1983). However, the records now show that the calcium carbonate
formed during the Phanerozoic was rarely purely calcite or aragonite but dominated
by either calcite or aragonite (ADABI, 2004; WILKINSON et al., 1985; ZHURAVLEV
and Woob, 2009).
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Figure 2.15 The distribution of the calcite and aragonite seas as determined by
SANDBERG (1983)

The observed oscillations in calcium carbonate mineralogy coincided with the
oscillations in the dominant evaporite sequences and seawater chemistry (HARDIE,
1996; LOWENSTEIN et al., 2003). Hence, the fluctuations of a range of chemical and
physical parameters have been used to explain the oscillating trends in calcium
carbonate mineralogy (either directly or by influencing other parameters):

(1) fluctuations in the aqueous magnesium to calcium ratio (section 2.3.1, Figure
2.13, MORSE et al., 1997; STANLEY, 2006);

(2) fluctuations in the sulfate concentration (section 2.3.2, Figure 2.14, RAILSBACK
and ANDERSON, 1987);

(3) fluctuations in the pCO, and subsequent variations in pH and alkalinity
(section 2.3.3, LEE and MoRSE, 2010; SANDBERG, 1983; WILKINSON et al.,
1984; ZHURAVLEV and WooD, 2009) and the affects on the calcium carbonate
supersaturation (GIVEN and WILKINSON, 1985);

(4) fluctuations in temperature by, for example, amplifying the effects of the
magnesium to calcium ratios on the calcium carbonate mineralogy (section
2.2.4, BALTHASAR et al., 2011; BURTON and WALTER, 1987; MORSE et al.,
1997).

It is now understood that the magnesium to calcium ratios is a dominant factor
in determining the primary calcium carbonate polymorph formed from seawater by
destabilizing calcite and inhibiting its formation (STANLEY, 2006, see also section
2.2.1). However, the precise magnesium to calcium ratio for the switch from calcite
to aragonite seas is still debated; several ratios between 1 and 2 have been proposed
to date (HARDIE, 1996; MORSE et al., 1997; WILKINSON and ALGEO, 1989).

Furthermore, MORSE et al. (1997) determined that temperature influences the
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magnesium to calcium ratio at which the switch from calcite to aragonite
precipitation occurs (Figure 2.11). Most research on the influences on the calcite and
aragonite seas has so far focussed on the magnesium to calcium ratio. Interestingly,
the effect of the fluctuating sulfate concentration (Figure 2.14) on the oscillations
between calcite and aragonite seas has largely been overlooked (LEE and MORSE,
2010). Additionally, the interactions of sulfate concentration (or the sulfate to
carbonate/bicarbonate ratio) in combination with the magnesium to calcium ratio
have only been determined by comparing the effect of sulfate and magnesium on the

calcite and aragonite crystallization rates (section 2.3.2, BURTON, 1993).

2.5 Biomineralization

Most predominant calcareous biominerals are composed of calcite and
aragonite (LOWENSTAM, 1981; WEINER and DoVE, 2003). However, in some cases
vaterite is biomineralized (LOWENSTAM, 1981), like the spicules produced by a
certain sea squirt (LOWENSTAM and ABBOTT, 1975) and several fish otoliths (TOMAS
and GEFFEN, 2003). Biominerals form either via an “organic matrix-mediated” or by
a “biologically induced” process (LOWENSTAM, 1981). The “organic matrix-
mediated” process is an intracellular process where the formation of the biomineral
is (almost) completely genetically driven. During such a process the organism
directs the precipitated polymorph with for example proteins (ADDADI and WEINER,
1992; BELCHER et al., 1996; DALBECK et al., 2006; FALINI et al., 1996; Ji et al.,
2010; LEvI et al., 1998; WEINER and TRAUB, 1984). Additionally, many calcium
carbonate biomineralizing organisms utilize ACC to precisely control the shape and
polymorph of the biominerals, like during mollusk shell and sea urchin spine
formation (ADDADI et al., 2003; ADDADI and WEINER, 1992; AuzouX-BORDENAVE
et al., 2010; CusAack and FREeR, 2008; GAzeau et al., 2010; MELDRUM and
COLFEN, 2008; PoLIT! et al., 2004; TALMAGE and GOBLER, 2010; WEINER and
Dove, 2003; WEIss et al., 2002). For example, PoLiTI et al. (2008) observed that sea
urchin larvae produce transient ACC, which dehydrates prior to controlled formation
of single crystal calcite via a secondary nucleation process. Finally, organisms
which form biominerals via an “organic matrix-mediated” process also (partly)

control the chemical composition of the biomineral (ADDADI and WEINER, 1992;
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Cusack and FREER, 2008). During “biologically induced” biomineralization
processes, the formation of the biominerals is generally extracellular and caused by
changes in solution chemistry due to primary biological process (LOWENSTAM,
1981). For example, bacterial metabolic processes can change the chemistry in the
vicinity of the cell walls which in turn can act as an active surface for the formation
of calcium carbonates (FRANKEL and BAzYLINSKI, 2003). Due to the formation
process of these biominerals, the organisms have much less control over the
polymorph, shape and chemical composition of the minerals (LOWENSTAM, 1981).

2.5.1 Biomineralization throughout the Phanerozoic

During the Phanerozoic the mineralogy of many calcifying organisms
oscillated significantly concurrent with the observed oscillations in abiotic calcium
carbonate mineralogy (section 2.3.1) (STANLEY, 2006). However, not all marine
fossils follow the oscillating trend of calcite and aragonite seas (e.g. bryozoans and
rugose corals) (ADABI, 2004; BALTHASAR et al., 2011; WHEELEY et al., 2008;
ZHURAVLEV and WoobD, 2009). ZHURAVLEV and WoobD (2009) showed that, in
addition to the oscillations of seawater chemistry and temperature, extinctions had a
major influence on the biomineralization of calcite or aragonite by emptying the
‘field’ for the evolution of new species. Additionally, RIES (2005), STANLEY (2006)
and STANLEY et al (2005) recognized that changes in seawater chemistry can
enhance the growth of organisms excreting preferential minerals or decrease the
growth of organisms excreting less favourable minerals in their skeletons. Hence,
newly evolved species adopted the dominant mineralogical form from the oceans in
which they evolved to decrease the stress of forming thermodynamically
unfavourable phases (STANLEY, 2006; ZHURAVLEV and Woob, 2009). These
observations suggest that the ocean chemistry had a profound effect on the evolution
of calcifying organisms and their biomineralization products (KNoLL, 2003;
MARTIN, 1995; PORTER, 2007; PORTER, 2010). However, species do generally not
switch mineralogy after evolving to produce either calcite or aragonite if the
seawater chemistry changes (RIEs, 2005; STANLEY and HARDIE, 1998). This could
explain the occurrence of calcite producing organisms in the present day oceans

(which is an aragonite sea, Figure 2.15) (STANLEY and HARDIE, 1998).
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In addition to the calcium carbonate polymorph formed by organisms, the
chemical composition and temperature of seawater during the Phanerozoic (section
2.4) can affect the chemical composition of the biominerals (as discussed in section
2.3). The effects of the composition and temperature are widely used in the
reconstruction of paleoenvironmental conditions (CusAck and FREeR, 2008). The
seawater magnesium to calcium ratio can also (partly) control the amount of
magnesium taken up in the calcite skeleton from several organisms (RIES, 2005;
RIES, 2006; STANLEY, 2006; STANLEY et al., 2005). An increase in temperature has
also been shown to enhance the incorporation of magnesium into biominerals
(TAYLOR et al., 2009), yet pCO; has no significant affect on the incorporation of
magnesium (ALLISON et al., 2011). The variations in the magnesium to calcium
ratios have therefore been used for the reconstruction of the seawater chemistry
(DicksoN, 2002; DIcksoN, 2004; MARTIN, 1995) and temperature (LORENS and
BENDER, 1980; OKAFOR et al., 2009). It has been suggested that the incorporation of
sulfate into calcium carbonate minerals can provide useful information about the
seawater sulfate to carbonate ratio during the Phanerozoic (PINGITORE et al., 1995).
However, the correlation between seawater chemistry and sulfate incorporation into
calcium carbonate biominerals is still unclear. Some field and (abiotic) experimental
studies have suggested that either the incorporation of magnesium enhances the
incorporation of sulfate (TAKANO, 1985) or that the presence of sulfate in solution
causes a decrease in the magnesium incorporation (BURTON and WALTER, 1991). So
far, sulfate incorporation into calcium carbonate biominerals has mainly been
investigated using the sulphur isotope composition to obtain information about the
sulfate chemistry and redox conditions of the Phanerozoic seawater (GILL et al.,
2007; GiLL et al., 2011; HETZEL et al., 2009; KAH et al., 2004; NEwTON et al., 2004;

NEWTON et al., 2011; WORTMANN and CHERNYAVSKY, 2007).

Finally, diagenesis has the potential to alter the chemical signature of the
biominerals significantly by, for example, equilibration of a solid solution to
meteoric waters (BANNER and HANSON, 1990; BERNER, 1966). This would render
any conclusions inferred from these biominerals incorrect. However, several
geochemical signatures (e.g. strontium incorporation and the carbon and oxygen
isotopic signature) can be used to distinguish between primary and diagenetically
altered calcium carbonate (NEWTON et al., 2004; OKAFOR et al., 2009; THOMAS et
al., 1999).
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Chapter 3
Methods

In this chapter, the experimental and analytical methods are described. The
descriptions here overlap with the method descriptions in later chapters. This is done
to keep the results chapters self-explanatory. Additionally, the method development
to analyse calcium and magnesium, using a spectrophotometer, and to analyse the
chemical composition of solid calcium carbonate samples, using ion
chromatography, are described at the end of this chapter. The methods described in
this chapter are:

3.1. Laboratory based experimental methods
3.1.1. Constant addition experiments
3.1.2. Vaterite formation and ripening
3.2. Laboratory based analytical methods
3.2.1. A spectrophotometric method to analyse Ca and Mg
3.2.2. lon Chromatography
3.2.3. Scanning Electron Microscopy
3.2.4. XRD
3.3. Synchrotron based Small and Wide Angle X-ray Scattering
(SAXS/WAXS) and experimental methods
3.3.1. Synchrotron radiation
3.3.2. WAXS
3.3.3. SAXS
3.3.4. Experimental methods and data collection
3.4.  Geochemical modelling using PHREEQC for windows
3.4.1. Evaporation simulations
3.4.2. Modelling the chemical evolution of the SAXS/WAXS
experiments
3.5.  Method development
3.5.1. A spectrophotometric method to analyse Ca and Mg

3.5.2. Measuring solid composition of CaCOj3 using lon Chromatography
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3.1 Laboratory based experimental methods

The two mineral synthesis methods described below were designed and used to
examine the interaction between solution chemistry and the precipitated calcium
carbonate mineralogy. The results from the constant addition experiments are
described in chapter 4 and appendix C and the results from the vaterite formation
and ripening experiments are described in chapter 6.

3.1.1 Constant addition experiments

The aim of these experiments was to investigate the effect of sulfate and
magnesium on primary calcium carbonate mineralogy in relation to the Phanerozoic
seawater composition. This was done by synthesizing calcium carbonate using
constant addition experiments (21+1 °C and 10£1 °C). The experimental set-up was
a modification of the method used by TESORIERO AND PANKOW (1996) (Figure 3.1).
No seeds were used during the constant addition experiments to avoid seeded
precipitation of either calcite or aragonite (WALTER, 1986). Instead, glass spheres
with a diameter of 0.1 mm (BioSpec Products, Figure 3.2) were used as a reactive
surface. This was done to mimic the precipitation on particles in seawater, akin to
the formation of odids. In all experiments, 1 g of glass beads was used in 500 ml of
batch solution. The batch solutions contained 10 mM CaCl, and varying MgCl, (0-
55 mM) and Na,SO4 (0-100 mM) concentrations. The magnesium to calcium ratio
and sulfate concentration used during the experiments bracketed the proposed
Phanerozoic seawater composition (HORITA et al.,, 2002). The solutions were
adjusted to approximate seawater salinity (35%o) with NaCl to minimize the effect of
ionic strength on the precipitation of calcium carbonate minerals. The batch
solutions were made in two steps. The first step was the addition of NaCl, Na,SO,
and glass beads to 500 ml MiliQ water to reach approximate seawater salinity and
the required sulfate concentration. To these solutions, 2 N NaOH was added and
equilibrated with the atmosphere (for a minimum of 3 days) to reach a pH of ~8.1
and a carbonate alkalinity of ~1.6 mM. The second step consisted solely of the
addition of CaCl,*2H,0 and MgCl,+6H,0 to the equilibrated solutions to reach the
required calcium and magnesium concentrations. To ensure homogeneous

conditions in the batch solutions, the Erlenmeyer flasks were shaken on an orbital
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shaker at a rate of 270 rpm throughout the experiments. Two input solutions (one
with elevated concentrations of CaCl,*2H,O and MgCl,*6H,O and one with
elevated concentrations of NaCO3; and Na,SO,) were added to the batch solutions
during the experiments to promote calcium carbonate precipitation. A syringe pump
was used to add the input solutions to the batch solutions at a rate of 1 mi/h. All the
chemicals that were used during the constant addition experiments were analytical
grade. Prior to, during, and at the end of the experiments the pH was measured and,
simultaneously, solution samples were extracted from the batches and filtered using
0.2 um syringe filters. Aliquots of the solution samples were either stored frozen (to
analyze for sulfate) or acidified with concentrated HNOj3; and stored at room
temperature (to analyze for calcium and magnesium). When terminating the
experiments the solutions were filtered with 0.2 um membrane filters using a
vacuum pump to separate the precipitated CaCO3 solids from the solutions. The
solid samples were washed (using Milli-Q grade H,O equilibrated with calcite) and

filtered three successive times and dried at 95 °C overnight prior to further analyses.

\| caCl2 and MgCI2 |:|
\lNa2CO3 and Na2S04 |:|

Erlenmeyer flask /
with batch / l
solution

Syringe pump

Orbital shaker

Figure 3.1 Schematic representation of the constant addition experiments
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Unused glass spheres

Figure 3.2 Scanning Electron Microscope image of the glass beads used during the
constant addition experiments

3.1.2 Vaterite formation and ageing

A second set of calcium carbonate synthesis experiments were performed in
order to study the effect of dissolved sulfate on the formation of vaterite. CaCO3 was
synthesized by rapidly mixing two solutions. 100 ml of a solution with 100 mM
CaCl,-2H,0 (analytical grade) was added to 100 ml of a solution containing 50 or
100 mM Na,CO3 (analytical grade) and 0 — 2 M Na,SO,4 (analytical grade). The
suspensions were continuously stirred using a magnetic stirrer (150 rpm) for the
total duration of the experiments (~3 — 130 min). At the end of the experiments, the
precipitates were separated from solution by filtering through 0.2 pm membrane
filters and immediately washed with 18.2 MQ Milli-Q grade H,O (equilibrated with
calcite and propan-2-ol). Subsequently, the samples were dried at room temperature

prior to further analyses.

Additionally, the stability of vaterite was studied by performing ageing
experiments. Vaterite formed during the formation experiment with 100 mM
calcium, 50 mM carbonate and 1.25 M sulfate was used during the ageing
experiments. The repining solutions contained 10 mM CacCl,, 0 — 200 mM Na,SO,
and 0 or 2 mM MgCl,. These solutions were prepared in the same way as the batch
solutions used during the constant addition experiments (section 3.1.1).
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Subsequently, 0.5 g vaterite was added and equilibrated with the solutions for ~1 —
17 h. Solution samples were taken before adding the solid to the solutions and at the
end of the experiment. The solutions were filtered using a 0.2 um syringe filter and
aliquots of the solution samples were either stored frozen (to analyze for sulfate) or
acidified with concentrated HNO3 and stored at room temperature (to analyze for
calcium). Solid samples were separated from the solutions by filtering the solution
through a 0.2 pm membrane filter with a vacuum pump. Subsequently, the solid
samples were washed with Milli-Q grade H,O equilibrated with calcite and propan-

2-ol and dried at room temperature prior to further analyses.

3.2 Laboratory based analytical methods

This section briefly describes the analytical methods used in this thesis.

3.2.1 A spectrophotometric method to analyse Ca and Mg

Solutions were analyzed for total calcium and magnesium using a
spectrophotometric method modified after method 8030 (Hach Lange, Dusseldorf,
Germany). A DR 2500 UV/VIS spectrophotometer was used to perform the
analyses. Calmagite was used as an indicator and ethylene-diamine-tetraacetic acid
(EDTA) and ethylene-glycol-tetraacetic acid (EGTA) were used as complexing
agents. The concentrations of calcium and magnesium were determined by
measuring the absorbance at a wavelength of 522 nm. The calcium concentration
was calculated from the difference in absorbance of a solution with EGTA added
and the same solution without both EGTA and EDTA. Additionally, the magnesium
concentration was calculated from the difference in absorbance of a solution with
EDTA and a solution with EGTA added. This method and the method development
are described in more detail in section 3.5.1 and this method was used to determine

calcium and magnesium concentrations in solution (chapter 4 and 7).
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3.2.2 lon Chromatography

lon chromatography (IC) uses an ion exchange resin to separate ions based on
their charge and their affinity to the specific resin. An ion chromatography set-up
uses an eluent, a guard column, an analytical column and a suppressor and
conductivity detector or a UV detector. A schematic representation of a standard set-

up used in IC is shown in Figure 3.3.

sample
injection

data output

conduc:tivity[/ //\\)
detector

f\’suppressor}_J/

injection
rotor

eluent

Figure 3.3 Schematic representation of a standard IC set-up

A sample is injected in a constant eluent flow (Figure 3.3). The relative affinity
(to the ion-exchange resin used in the columns) of the solutes with respect to the
eluent determines the residence time of the solutes on the columns. The differences
in the relative affinity between all solutes determine the separation of the solutes by
the guard and analytical column. A guard column is used to obtain an initial
separation and to protect the analytical column against overloading by the solutes
(Figure 3.3). When using a conductivity detector, a suppressor is generally used to
reduce the conductivity of the eluent (Figure 3.3). Additionally, a suppressor also
enhances the conductivity of the separated ions. Hence, this enhances the signal to
noise ratio significantly. For analyses in this thesis, a Dionex DX500 system was
used with a carbonate/bicarbonate eluent for the analyses of sulfate and a
methanesulfonic acid eluent for the analyses of calcium and magnesium. The results
from analyses with IC are described in chapter 4-8. Additionally, a full description
of the method development to analyze the chemical composition (e.g.: Ca, Mg and

S0O,) of solid calcium carbonate samples is presented in section 3.5.2.



-40 -

3.2.3 Field Emission Gun-Scanning Electron Microscopy

When imaging with Field Emission Gun-Scanning Electron Microscopy (FEG-
SEM) a high energy electron beam is used to scan samples. As a result of the high
energy beam the sample material absorbs and the atoms in the sample material can
become excited. This results in the emission of secondary electrons. The secondary
electrons are accelerated towards a scintillating material. This causes the
scintillating material to emit flashes of light, which are conducted to a
photomultiplier. Subsequently, the electrical signal from the photomultiplier can be

displayed as an analogue image or converted to a digital image.

When scanning samples, not all electrons in the high energy beam cause atoms
in the sample material to become excited. This causes the sample material to charge.
A conductive coating can be used to release the sample material from the surplus of
electrons and thus prevent the sample material from charging. The samples
presented in this thesis were coated with a conductive ~7 nm platinum coating. The
samples presented in Figure 4.3 and 5.3 were imaged with a LEO 1530 Gemini

FEG-SEM using a working distance of 3 mm and an accelerating voltage of 3 keV.

3.2.4 X-ray diffraction

X-ray diffraction (XRD) is a non-destructive elastic scattering technique using
X-rays to analyse solid structures. XRD analyses can reveal structural and physical
characteristics of crystalline phases. XRD relies on the repetitive character of crystal
structures for the determination of the characteristics. The instrument used for the
XRD analyses is a Bruker D8 X-Ray Diffractometer (Cu kal). XRD was used for
analyses of the solid samples obtained during the experiments described in chapter 4
and 7.

XRD uses the ability of interacting waves to cancel out or add up when they
interfere. When two waves with the same frequency are synchronized, the amplitude
of the waves will add up (constructive interference, Figure 3.4), while when a half
wavelength phase shift occurs between these waves, they will cancel each other out
(destructive interference, Figure 3.4). XRD uses these constructive and destructive

interferences from diffracted X-rays (Figure 3.5). When the wavelength or a
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multiple (n4) of the incident beam is equal to 2dsiné (i.e. nA is equal to the length of
the line cab in Figure 3.5) than the scattered beams are in phase and a constructive
interference results. Conversely, if nl # 2dsing, a phase shift exists between the
scattered beams and destructive interferences results from the interaction. Hence, if
the d-spacing changes (Figure 3.5), so do the angles of the constructive

interferences.

AVAVAVAVAF

Figure 3.4 Graphic representation of the interactions of waves; 1) constructive
interference and 2) destructive interference

N g

a

Figure 3.5 Bragg diffraction represented by a schematic representation of two
parallel incidents beams diffracted by two planes; sin6 = ab/d = ca/d, so:
dsinf = ab = ca

A mineral/crystal is build up from a lattice of repeating unit cells. A unit cell is
the smallest repetitive ‘unit’ in a crystal structure. Unit cells have atom/ions in
distinguishable positions. These features result in the appearance of (virtual) planes
in the structure with miller indices representing these planes (PuTNis, 1992). As an
example the calcite unit cell is shown in Figure 3.6, with the (1 0 4) plane

highlighted. Planes like the calcite (1 0 4) plane, act like the planes in Figure 3.5,
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where the X-ray beams are scattered by atoms positioned in these planes (Figure
3.6B). Here, the above described mathematical relation (n/ = 2dsiné, where 2dsind
describes the length of the distance covered by the beam between points q and z)
also explains the occurrence of constructive and destructive interference. This
results in Bragg diffraction peaks in XRD patterns (bottom of Figure 3.6).
Information can be extracted from an XRD pattern either to obtain a structural
model from an unknown crystalline phase or to obtain physical information for a
known structure via Rietveld refinement. Rietveld refinement on an XRD pattern can
give information on: (1) the relative mass of the phases in a sample (HiLL and
HowARD, 1987; RIETVELD, 1969), (2) crystallite size and strain of the crystalline
phase (BALzAR and LEDBETTER, 1993) and (3) changes in the unit cell dimensions
and the occupation of atomic positions in the unit cell (RIETVELD, 1969).
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A B  incident beam

diffracted
beam
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calcite diffraction pattern

Figure 3.6 Calcite example on Bragg diffraction, the calcite unit cell is shown from
two different angles, with the dotted lines representing the edges of the unit
cell, the green spheres represent calcium, the grey spheres represent carbon
and the red spheres represent oxygen, the carbonate ions only partly in the unit
cells have been completed for ease, the structural information by MARKGRAF
AND REEDER (1985) is used to construct the figure; A) 3D representation of a
calcite unit cell, the black parallelograms show where the (1 0 4) planes are in
the unit cell (these planes have the highest diffraction intensity); B) a view of
two unit cells along the b axis, the tilted black lines show where the (1 0 4)
planes are in this view, the red arrows represent the diffracted (X-ray) beams
and at the bottom a typical diffraction pattern of calcite (with 7 weight% Si
standard) is shown (20 < 26 < 50)

3.2.4.1 Relative mass of a phase in a sample

From the diffraction pattern, the Rietveld scale factor (S) can be calculated
with Topas 4-2 (BRUKER_AXS, 2009). S relates a known crystalline structure to the
integrated intensity of the Bragg peaks from the respective structure. Additionally S
is proportional to the mass (m) in the sample (HiLL and HOWARD, 1987; RIETVELD,
1969):
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m, « S,(ZMV),

(Eq. 3.1)

where Z, M and V are the number of formula units per unit cell, the mass of the
formula unit and the unit cell volume of phase p, respectively. This can subsequently
be used to calculate the relative mass of all crystalline phases (mp) in the diffraction
pattern from a sample. Calculations on the relative mass of different phases were
performed using Topas 4-2 (BRUKER_AXS, 2009) and are described in chapter 4
and 7 and appendix A.

3.2.4.2 Crystallite size and strain on the crystalline phase

In an infinitely large crystal (with an infinite amount of planes), when the
angle deviates slightly from a perfect constructive interference (cab # A, Figure 3.5),
two diffracted beams have a half wavelength difference, causing a destructive
interference (Figure 3.4). This results in infinitely narrow peaks at ni = 2dsiné
(GUINIER, 1963). A decrease in size of crystalline particles decreases this effect,
causing the diffraction peaks to broaden (GUINIER, 1963). Strain induces a distortion
of the lattice planes, due to external forces (e.g. stress) or internal forces (e.g. caused
by the incorporation of magnesium or sulfate into calcite). Peak broadening caused
by a decrease in crystallite size and due to strain can be separated because the
broadening influence from the crystal size is length scale independent and stain acts
more dominantly on smaller length scales (higher angles) (BALZAR and LEDBETTER,
1993).

3.2.4.3 Changes in the unit cell dimensions

The dimensions of a unit cell determine the d-spacing between planes causing
the diffraction peaks, like the calcite (1 0 4) plane (Figure 3.6). When the
dimensions of a unit cell change, so will the d-spacing causing Bragg diffraction
peaks. The incorporation of foreign ions/atoms into the crystal structure can cause
such a change in unit cell dimensions (in addition to causing strain, section 3.2.4.2)
when the foreign ion/atom has a different size compared to the atom/ion it replaces.

Magnesium has a smaller radius than calcium, so in addition to applying stress to the
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calcite structure as described above, the calcite unit cell contracts (BiSCHOFF et al.,
1983; GoLDsMITH and GRAF, 1958; GoLDSMITH et al., 1961). Calculations on the
lattice parameters were performed using Topas 4-2 (BRUKER_AXS, 2009). The
results from these calculations are described in chapter 4 and 7. Additionally, Figure
A.11 - A.13 and A.16 — A.18 (appendix A) visualize the effects of the incorporation
of sulfate on the lattice parameters of calcite, aragonite and vaterite (A.11 — A.13
and A.16 — A.17) and the effect of magnesium on the lattice parameters of vaterite
(Figure A.18).

3.3 Small and Wide Angle X-ray Scattering (SAXS/WAXS) and

synchrotron based experimental methods

To study the kinetics and mechanisms of the transformation from ACC to
crystalline calcium carbonate in situ, experiments have been performed at Diamond
Light Source, Didcot, UK. These experiments were performed at the Small and
Wide Angle X-ray Scattering (SAXS/WAXS) station, 122 (TERRILL et al., 2004).
SAXS/WAXS, like XRD, is a non-destructive elastic scattering technique using X-
rays that allows the characterization of solid phases. The results from the

experiments at Diamond Light Source are discussed in chapter 5 and 6.

3.3.1 Synchrotron light

Performing experiments at synchrotron light sources has many advantages
over laboratory-based X-ray sources. Due to the high brilliance of synchrotron light,
the signal to noise ratio is very low. This allows time-resolved data collection with a
time resolution of as low as 1 ms and the determination of disorder in amorphous
phases like ACC. Additionally, because X-ray beams produced at a synchrotron
light sources also have a low divergence, SAXS measurements can reach angles as
low as ~0.05°. Figure 3.7 shows a schematic representation of the layout of a
Synchrotron. Below, a brief description of the production of synchrotron lights is
presented.



- 46 -

Figure 3.7 Schematic representation of Diamond Light Source
(www.diamond.ac.uk/Home/Technology.html)

The electron gun (1, Figure 3.7) in a synchrotron produces low energy
electrons (90 keV), which are accelerated to gain energy in the linear accelerator
(100 MeV). In the booster synchrotron (2, Figure 3.7), the electrons are accelerated
further up to a maximum speed of close to the speed of light. The final energy
before entering the storage ring (3, Figure 3.7) is 3 GeV, where the electrons are
circulated using 48 bending magnets between equal amounts of straight sections.
Synchrotron light is produced when the electrons pass through the bending magnets.
Additionally, in the straight sections the electrons are oscillated by undulators and
wigglers, which also produce synchrotron light. The synchrotron light is used in a
wide range of beamlines with a wide range of applications (4-8, Figure 3.7). In each
beamline, the synchrotron light is focussed and used for a wide variety of analytical
techniques in the fields of imaging, scattering and spectroscopy. For the purpose of
this project, experiments were performed at beamline 122 (SAXS/WAXS, Figure
3.8) because of the potential to perform solution based scattering experiments
(chapter 5 and 6) at this versatile beamline.
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Figure 3.8 Schematic representation of the in situ experimental set-up at the
SAXS/WAXS beamline at station 122

3.3.2 WAXS

Wide angle X-ray scattering is a technique based on the same principles as
XRD (section 3.2.4). Therefore, in theory, all the analyses performed on XRD
patterns can be performed on WAXS patterns as well (i.e. gquantification of the
phases present, determination of the unit cell parameters and the size and strain;
section 3.2.4). However, the angle resolution in WAXS patterns (using a
HOTWAXS detector) is much lower than can be obtained by conventional (powder)
XRD. Hence, the results from WAXS analyses are far less accurate and precise as
compared to regular (powder) XRD analyses (section 3.2.4). However, analyses of
time-resolved WAXS patterns can provide valuable information on crystallization
processes occurring in suspensions (e.g. AHMED et al., 2010; BEALE et al., 2006;
BRrAs et al., 2005; RYAN et al., 1995).

Using Topas 4-2 (BRUKER_AXS, 2009) the Rietveld scale factor (S) can be
calculated. As discussed in section 3.2.4, S relates the structure of a known phase
and the Bragg peaks in a WAXS (or XRD) pattern to the mass of the known phase
in a sample (Eg. 3.1, HiLL and HOWARD, 1987; RIETVELD, 1969). The Rietveld scale
factor throughout the experiments (S(t)) can be normalized to the Rietveld scale

factor at the end of the experiment (Ssan). This results in the degree of reaction

(a@®):
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_S@®
Sfinal

a(t)

(Eq. 3.2)

a(t) gives information about the reaction progress for the crystallizing phases
(AHMED et al., 2010; RODRIGUEZ-BLANCO et al., 2011). However, when more than
one crystalline phase forms during experiments, this definition of a(?) is not
sufficient as it does not give information on the relative abundance of the crystalline
phases throughout the experiments. The weight fraction (w) of phase (p) can be
calculated with Topas 4-2 (section 3.2.4.1, BRUKER_AXS, 2009; HiLL and
HowARD, 1987). The weight fraction at the end of the experiment (W, finat) Can then
be used to normalize all phases to the final weight of the total amount of phases that

are persistent until the end of the experiment:

Sp(t)
Uy (t) =L * Wy, final
p.final
(Eq. 3.3)

However, when an intermediate phase (i) forms during the experiment, this will not
be sufficient. When the Rietveld scale factor of an intermediate phase (S;) is at a
maximum (i.e. at timax) the relative weight fraction of the intermediate phase
(wi(timax)) compared to the relative weight fraction of one other phase present at the
end of the experiment (wp(timax)) and the previously calculated degree of reaction of
this phase (ap(timax), EQ. 3.3) can be used to obtain information about reaction

progress of the intermediate phase via:

Si(t) Wi(ti,max)
. ) .
Si final Wp (ti,max) ap( l.max)

a;(t) =

(Eq. 3.4)

where the section between the square brackets represents a constant.
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Finally, the decrease in the background intensity (B(t)) can be evaluated
similarly to the intensity under the Bragg peaks. The background intensity att = 0
(Bo) and the background intensity at the end of the experiment (Bsina) Can be used to
calculate the degree of reaction for the breakdown of an amorphous phase
(RODRIGUEZ-BLANCO et al., 2011):

B(t) — Bfinal

a(t) =
By — Bfinai

(Eq. 3.5)

3.3.3 SAXS

As the name suggests, Small Angle X-ray Scattering (SAXS) acts on the
smaller angles than WAXS. This means that SAXS patterns record larger scale
features than WAXS and XRD (section 3.2.4). These features are generally not
related to internal and structural features of crystalline phases (GLATTER and
KRATKY, 1982; PoroD, 1951). Initially, SAXS was developed for the study of
biological material like proteins, however in this project SAXS was used to study
the formation of inorganic solids (TOBLER et al., 2009). SAXS patterns (Figure 3.9)
give information on the particle size, particle volume and morphological features

and SAXS patterns are usually plotted against the scattering vector, q (A™):

4
q =—sinB

(Eq. 3.6)

and:
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Figure 3.9 Examples of idealized SAXS patterns of a system with spherical
particles with a radius (R) (modified from: http://www.ansto.gov.au)

In standard SAXS patterns, two regimes can be identified: the Guinier and the
Porod regime (Figure 3.9). In the Guinier regime the measured intensity follows the

following relationship (GLATTER and KRATKY, 1982; GUINIER, 1963; POROD, 1951):

2 2
q°R
1(q) = I exp l— 39 l

(Eg. 3.8)

where lg is the (extrapolated) intensity at g = 0 and Ry is the radius of gyration. Ry is
the weighed average radius of all cross sections through a particle and can be
calculated from the slope of a In(I(q)) vs. g* plot of the Guinier region. When the
particles are spherical, the following mathematical relationship can be used to
calculate the radius (R) of the particles present in the system (GLATTER and
KRATKY, 1982). Eq. 3.9 shows the relation between a spherical particle and the Ry.
A list of relationships between Ry and the radii of particles is listed in GLATTER AND
KRATKY (1982) for non-spherical particles. Additionally, Rq can be estimated using
Eqg. 3.8 and the slope in Figure 3.9 in the Guinier regime of the SAXS pattern.
Additionally, R, can be easily calculated using computer programs as GNOM
(SVERGUN, 1992).
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3
2 _
Ry* =R’

(Eq. 3.9)

When the analysed system is monodisperse, the particle diameter is easily
determined from the SAXS patterns as shown in Figure 3.9. Polydispersity
decreases the features in the Porod regime (Figure 3.9). However, when the system
is still relatively monodisperse, the scattering from the particle population will still
result in the appearance of at least one peak at low q ranges (Figure 3.9). The peak
position at lowest g can then be used to estimate the particle diameter (d) (e.g., DE
MOOR et al., 1999a; DE MOOR et al., 1999b) using Eq. 3.7.

Another parameter in Eq. 3.8 is lp, which can be estimated by extrapolation of
the SAXS pattern to g = 0 (GLATTER, 1977; GUINIER, 1963). |y is related to the

excess electrons in the scattering volume (GLATTER and KRATKY, 1982):

Ip = (&n,)? = (Ap)?V?

(Eg. 3.10)

where Ane is the excess electrons in the scattering volume, Ap is the difference in
electron density between the scattering particles and the medium and V is the
scattering volume. The difference in electron density between the scattering particles

and the medium is also related to the molecular weight of the scattering volume.

A third parameter than can be extracted from SAXS patterns is the invariant
(Q) (BRAS et al., 2005; GLATTER and KRATKY, 1982; PoroD, 1951). Q can be

calculated using:

o)

_ 1 1(q)q?d
Q_ano q)q°dq

(Eg. 3.11)
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The invariant is related to the volume fraction (®) of the scatterers and medium and
the differences in electron density (BRAs et al., 2005; GLATTER and KRATKY, 1982;

GoODISMAN and BRUMBERGER, 1971; Liu et al., 2010):

Q = ®(1 - ®)(Ap)?

(Eq. 3.12)

If high quality data is collected and the particle density in the solution is low,
the invariant (Q) and lo can be used to calculate the particle volume (V) of the

scatterers with (GLATTER and KRATKY, 1982; GUINIER, 1963):

IO

V —

PQ
(Eqg. 3.13)

However, often the difficulties to calculate absolute intensities (KRATKY et al., 1966;
PiLz, 1969; PiLz and KRATKY, 1967) and extrapolate to low and/or high q values
prevent accurate lp and Q values to be derived. For example, if high g values are not
measured, the invariant is difficult to evaluate, as the smallest particles might not be
detected in the measured g range. Also, if the particles are too big to show
significant features in the measured q range, lp and the scattering volume are highly
underestimated. This limitation might be useful to study a nanoparticulate
(by)product in the presence of large particles, when the large particles are not

detected in the g range from the detector.

The last important parameter can be extracted from the Porod region (Figure
3.9) records information about the particle shape and morphology. POrRoD (1951)
showed that the intensity of recorded SAXS patterns on a Log — Log plot decreases
with a slope of 4. This was later determined only to hold for 3-dimensional particles
with perfectly smooth surfaces. For all systems the following relation holds (BALE
and SCHMIDT, 1984; BENNING and WAYCHUNAS, 2007; CICCARIELLO et al., 1988):
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I(q) xq7?

(Eq. 3.14)

where p is the Porod slope. From p information about the fractal dimension of a
particle can be extracted (BALE and SCHMIDT, 1984; BENNING and WAYCHUNAS,
2007; SCHMIDT, 1991; TEIXEIRA, 1988). If 1 < p < 3, the particle is a mass fractal
and: p is the fractal dimension of a mass fractal (TEIXEIRA, 1988). If 3 < p < 4, the
particle has a fractal surface and: p = 6 — D, where Ds is the fractal dimension of
the surface (Bale and Schmidt, 1984). Table 3.1 gives additional information on

scatterers and their surface and mass dimensions.

Table 3.1 Table listing the fractal properties of scatterers (SCHMIDT, 1991) and
relating these to the Porod slope, D is the fractal dimension, Dy, is the mass
fractal dimension, Dy is the surface fractal dimension and p is the Porod slope

(Figure 3.9)
Scatterer Dn Ds p
Mass fractal D D 1-3
Surface fractal 3 Ds 3-4
Extended scatterer 3 2 4
Thin platelet 2 2 2
Filament 1 1 1

3.3.4 Experimental methods and data collection

The crystallization of ACC was performed both off-line and on-line at room
temperature by rapidly mixing equal volumes of two 1 M solutions of analytical
grade calcium chloride (CaCl,-2H,0) and sodium carbonate (Na,COs3). These ‘no
additive’ experiments were complemented with sets of experiments performed with
experiments where foreign (SO,4, PO4 and Mg) ions replaced either the CO3 (SO,
and PQO,) or the Ca (Mg) in the mixing solutions (‘replacement’ experiments, Figure
3.10A) or were added to either the CO3 or the Ca in the mixing solutions (‘additive’
experiments, Figure 3.10B). During mixing and throughout the whole experimental
time the suspensions were vigorously stirred to ensure rapid and continual

homogenization.
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Figure 3.10 Graphical summary of all experimental conditions used in experiments
performed at station 122 at Diamond Light Source

The on-line in situ experiments were performed at the small/wide angle X-ray
scattering (SAXS/WAXS, Figure 3.8) beamline 122 at Diamond Light Source Ltd
(UK). Immediately after mixing the suspensions were continuously pumped via a
peristaltic pump through a capillary in line with the synchrotron beam. SAXS
patterns were collected with a 2D RAPID detector (MARCHAL et al., 2009) or a 1D
HOTSAXS detector (TERRILL et al., 2004) situated at 6 m from the sample capillary
(Figure 3.8). Simultaneously WAXS patterns were collected with a HOTWAXS
detector (Bateman et al., 2007) situated at 1.7 m from the sample capillary (Figure
3.8). Patterns were collected at one second / frame resolution for the total reaction
duration of a minimum of ~35 min. The patterns were initially examined and

exported to Excel with the computer program dream.jar (www.diamond.ac.uk). In

Excel, the patterns were detector response corrected. This was done by dividing the
experimental patterns by a silicon pattern (from which the silicon peaks were
subtracted). Additionally, the collected patterns were background corrected by
subtracting a sodium carbonate solution pattern (collected with the same instrument
settings as the patterns from the respective experiment). For the calibration of the
SAXS detectors, a pattern from a wet rat tail collagen standard was analysed. For the

calibration of the WAXS detector, a pattern of a silicon standard was analysed.

To obtain additional information on the crystallization reactions, additional
off-line experiments were performed. In the off-line experiments (chapter 5), the pH

was continuously recorded (5 second time steps) and at specific time steps
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(determined from the respective in situ experiment) aliquots of the suspensions were
removed and filtered using a 0.2 um membrane filters. The solids were immediately
washed with isopropanol and dried (RODRIGUEZ-BLANCO et al., 2008) prior to
further analyses. The results from the in situ and off-line experiments are described

in chapter 5 and 6.

3.4 PHREEQC modelling

To complement the analytical data, simulations were performed using

PHREEQC (http://wwwbrr.cr.usgs.gov/projects/GWC_coupled/phreeqc/,

PARKHURST and APPELO, 1999). One set of simulations were performed to relate the
calcium carbonate mineralogy to the fluctuations in Phanerozoic seawater
composition (chapter 4 and appendix A). A second set of simulations was performed
to derive chemical information that could not be analysed directly (e.g. saturation
indices and chemical speciation), based on the analyses from the experimental

solutions from the off-line experiments described (chapter 5 and Appendix B).

3.4.1 Evaporation simulations

PHREEQC evaporation simulations using the Pitzer equation (PARKHURST and
APPELO, 1999) were carried out to evaluate the minerals formed from evaporating
seawater with varying Mg and SO, concentrations as would have occurred during
the Phanerozoic (HARDIE, 1996). The composition of the input solutions in the
evaporation model solutions (2-20 mM Mg, 5-15 mM SOy, 10.5 mM Ca 10.4 mM K
and 558 mM CI; Na was adjusted to charge balance the solutions, Table A.1) were
within the chemical range of the experimental solutions (Table 4.1). In addition, the
Phanerozoic seawater composition from both calcite and aragonite seas, including
compositions between these end members (8 mM SO,4, 30 mM Ca and 29 mM Mg
to 29 mM SO4, 10 mM Ca and 54 mM Mg, HORITA ET AL., 2002; Table A.2) were
also used as input solutions in the evaporation simulations. The simulations were run
by removing increasing amounts of H,O from the solutions and allowing
precipitation (Table A.3) of all major evaporite minerals (Table A.4, HARDIE, 1996).

The evaporation simulations were validated comparing the PHREEQC simulation of
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modern seawater (Figure A.9a and Figure A.10a) with the simulation by HARDIE
(1991). There were no significant differences between the PHREEQC simulation
and the simulation by HARDIE (1991).

3.4.2 Modelling the chemical evolution of the SAXS/WAXS experiments

As described in section 3.3.4, chapter 5 and Appendix B, off-line experiments
were performed to complement the in situ SAXS/WAXS crystallization
experiments. During these experiments, the pH was measured and at specific time
steps, solution samples were analysed for the SO4 and Ca concentrations. Due to the
fast kinetics of the reaction and the necessity to take samples throughout the
experiments, no alkalinity measurements were possible. To obtain information on
the alkalinity and hence the saturation index (SI), PHREEQC simulations were

performed.

Because of (potential) CO, exchange with the atmosphere, these simulations
were not straightforward. To obtain close to realistic values for alkalinity and Sl in a
complex system, every step of the experiments was simulated in PHREEQC. The
first step of the simulation was to create the initial solutions (Figure 3.10 and line 6-
19 in Table 3.2). The second step was to mix these solutions (line 21-25, Table 3.2)
and then the final step was to use the analysed solution data (pH, [Ca] and [SO4]). In
line 27-31 (Table 3.2), the precipitation of Ca(C03),_,(50,), was simulated, where
X is the mole fraction of SO4. The precipitation of Ca(C03),_,(S0,), was
incorporated in the model, so that the simulated solution reached the measured [Ca]
and [SO4]. Finally, the exchange of dissolved carbonate with the atmosphere was
simulated in order to reach the pH measured during the experiments (line 1-4 and
line 32-34, Table 3.2). Results from these PHREEQC simulations are shown in
Figure 6.5 and Appendix B.
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Table 3.2 The first 29 lines of the input file for the PHREEQC simulations to
model the chemical evolution during the SAXS/WAXS experiments, the
example here is for the ‘replacement’ experiment described in chapter 5

1 Phases

2 pH_fix

3 H+=H+

4 Log kO

5

6 Solution 1

7 Reaction 1

8 Na2CO3 0.9

9 Na2S04 0.1

10 i1

11 | Save solution 1

12 | End

13

14 | Solution 2

15 | Reaction 2

16 @ CaCl2 1

17 1

18  Save solution 2

19 End

20

21  Mix1

22 1 0.5

23 2 0.5

24 Save solution 3

25 End

26

27  Use solution 3

28  Reaction 3

29 CaCos3 -0.41991 #-(0.5 — “measured Ca” — (0.05 — “measured SO,”))
30  CaSO4 -0.00464 #-(0.05 — “measured SO4”)
31 1

32 | Equilibrium_phases 3
33 pH_fix -8.757 CO2(g)
34 end

3.5 Method development

This section describes developments/adjustments of methods to analyse
solution and solid chemistry obtained from the experiments (chapter 4 and 7). The
photospectrometric method described in section 3.5.1 was developed to obtain a fast
and reliable method to analyse aqueous calcium and magnesium. This method is
based on method 8030 from the Hach® DR/2500 manual. The method described in
section 3.5.2 was developed to analyse the chemical composition of solid calcium

carbonate phases accurately and precisely using ion chromatography. This method is
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based on the column switching method to analyse nutrients in high salinity solution
described by BRuUNO et al. (2003) and the cation method to analyse the chemical
composition of fish otoliths and seawater with a high precision and accuracy as
described by MARINI et al. (2006)

3.5.1 A photospectrometric method to analyse Ca and Mg
3.5.1.1 Basic principles

The photospectrometric method described here is a modification of method
8030 from the Hach® DR/2500 manual, which uses calmagite (Figure 3.11) as
complexing agent in the indicator solution. Calmagite colours an alkaline solution
purple-blue. Calcium and magnesium present in solution complex to calmagite,
which colours the solution red. In addition, EDTA forms stronger complexes with
calcium and magnesium than calmagite. This then prevents colouring caused by
calmagite complexed to calcium and magnesium. Similarly, EGTA forms stronger
complexes to magnesium, preventing colouring caused by calmagite complexes with
magnesium. The absorption of the three solutions described above was measured at
a wavelength of 522 nm. The differences in the absorbance between the three

solutions were used to calculate the calcium and magnesium concentrations.

Figure 3.11 The chemical structure of Calmagite
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3.5.1.2 Tests
Test 1

The calcium and magnesium concentrations of the standard solutions (~50 ml)
used in the first test are listed in Table 3.3. To obtain a calibration for these

concentrations, the following method was used:

1 Add approximately 0.5 ml of the Hach® calmagite solution
2 Add approximately 0.5 ml of the Hach® alkali solution
3 Mix the obtained solutions properly
4 Add:
a. 30 uL EDTA solution to 5 ml of the solution obtained at step 3 and
mix
b. 30 uL EGTA solution to 5 ml of the solution obtained at step 3 and
mix
5 Measure the absorbance of the solutions with calmagite, with calmagite and
EDTA and with calmagite and EGTA
a. The difference between the absorbance from the solution with
calmagite and EDTA and the solution with calmagite and EGTA
corresponds to the magnesium concentration
b. The difference between the absorbance from the solution with
calmagite and EGTA and the solution with only calmagite

corresponds to the calcium concentration

Table 3.3 Concentrations of the first set of standard solutions tested including the
respective absorbance measurements; the measured absorbance is for the
solution with calmagite and EDTA (1), calmagite and EGTA (2) and only
calmagite (3)

Mg Ca Measured absorbance Mg Ca

nr (ppm) (ppm) 1 2 3 2-1 3-2

1 025 O 0.512 0.681 0.690 0.169 0.009
2 0.02 003 0504 0521 0.528 0.017 0.007
3 075 025 0499 0.928 0.984 0.429 0.056
4 0 0.5 0.490 0.504 0.602 0.014 0.098
5 05 1 0.506 0.820 0.851 0.314 0.031
6 1 1.5 0.513 0.852 0.965 0.339 0.113
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The results from the first test are summarized in Table 3.3 and Figure 3.12.

The calibration curves show a linear response up to 0.5 ppm calcium and 0.75 ppm

magnesium. In sample number 5 and 6 (Table 3.3), the amount of calmagite was too

low to complex all calcium and magnesium in the absence of EDTA and EGTA.

However, when EGTA was added to the alkaline solution of sample number 5 and 6,

the amount of calmagite was enough to complex all calcium. This caused the

calcium Aabsorbance (see step 5b, above) to deviate from the linear response.

Additionally in sample number 6 (Table 3.3) the amount of EGTA is too low to

complex all magnesium in solution. This resulted in a deviation of the magnesium

Aabsorbance (see step 5a, above) from the linear response (Figure 3.12).

1.75 -
1.50 A * Mg
i A Ca
1.25
1004 a .
0.75

0.50

concentration (ppm)

0.25

000 M o O
0.00 005 0.10 0.15 020 0.25 030 0.35 040 045 0.50

A absorbance (-)

Figure 3.12 The calibration curves for the first set of standard solutions tested

Test 2

To overcome the above described problems the next method is used for the

standard solutions (~50 ml) listed in Table 3.4:

1
2
3
4

Add approximately 1 ml of the Hach® calmagite solution
Add approximately 1 ml of the Hach® alkali solution
Mix the obtained solutions properly
Add:
a. 2 drops with a Pasteur pipette (~100 uL) EDTA solution to 5 ml of
the solution obtained at step 3 and mix
b. 2 drops with a Pasteur pipette (~100 pL) EGTA solution to 5 ml of

the solution obtained at step 3 and mix
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EDTA and with calmagite and EGTA

a. The difference between the absorbance from the solution with
calmagite and EDTA and the solution with calmagite and EGTA

corresponds to the magnesium concentration

b. The difference between the absorbance from the solution with

calmagite and EGTA and the solution with only calmagite

corresponds to the calcium concentration

Table 3.4 Concentrations in second set of standard solutions tested including the
respective adsorbance measurements; the measured absorbance is for the
solution with calmagite and EDTA (1), calmagite and EGTA (2) and only

calmagite (3)

Mg Ca Measured absorbance Mg Ca
nr (ppm) (ppm) 1 2 3 2-1 3-2
1 025 0 0.818 1.001 1.019 0.183 0.018
2 0.05 0.05 0.847 0.887 0.909 0.040 0.022
3 075 025 0.854 1.379 1.440 0.525 0.061
4 0 0.5 0.860 0.864 0.977 0.004 0.113
5 05 1 0.855 1.214 1.411 0.359 0.197
6 1 15 0.860 1.520 1.710 0.660 0.190

The results from the second test are summarized in Table 3.4 and Figure 3.13.
The calibration curves show a linear response up to 1 ppm Ca and Mg. In sample
number 6 (Table 3.4) the amount of calmagite was still too low to complex all
calcium and magnesium. However, when EGTA was added to the alkaline solution
of sample number 6, the amount of calmagite was enough to complex all calcium.
This caused the calcium Aabsorbance (see step Sb, above) to deviate from the linear
response. Additionally, this method was used as test measurements on experimental
solution samples. These tests indicated that occasionally calcium also complexed to

EGTA, underestimating the calcium concentration and overestimating the

magnesium concentration (see step 5, above).
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Figure 3.13 The calibration curves for the second set of standard solutions tested

3.5.1.3 Final method

The final method for the photospectrometric measurements of calcium and

magnesium is described below and the results of analyses on the standard solutions

are summarized in Table 3.5 and Figure 3.14. Additionally, to highlight the validity

of this method, the analysed calcium and magnesium concentrations from a selection

of constant addition experiments are plotted in Figure 3.15 (chapter 4: Table 4.1).

This method has also been used to analyse the calcium and magnesium

concentrations of the vaterite ageing experiments described in chapter 7.

1
2
3
4

Add approximately 1 ml of the Hach® calmagite solution to ~50 ml solution
Add approximately 1 ml of the Hach® alkali solution
Mix the obtained solutions properly
Add:
a. 2 drops (~100 pL) EDTA solution to 5 ml of the solution obtained at
step 3 and mix
b. 1 drop (~50 pL) EGTA solution to 5 ml of the solution obtained at
step 3 and mix
Measure the absorbance of the solutions with calmagite, with calmagite and
EDTA and with calmagite and EGTA
a. The difference between the absorbance from the solution with
calmagite and EDTA and the solution with calmagite and EGTA
corresponds to the magnesium concentration
b. The difference between the absorbance from the solution with
calmagite and EGTA and the solution with only calmagite

corresponds to the calcium concentration
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Table 3.5 Concentrations in final set of standard solutions tested tested including
the respective adsorbance measurements; the measured absorbance is for the
solution with calmagite and EDTA (1), calmagite and EGTA (2) and only
calmagite (3)

Mg Ca Measured absorbance Mg Ca
(ppm) (ppm) 1 2 3 221 32

>
=

1 025 075 0.840 1.048 1.224 0.208 0.176
2 005 005 1.094 1136 1.164 0.042 0.028
3 005 0.05 0973 1.022 1.049 0.049 0.027
4 0.682 0.227 1.014 1508 1571 0.494 0.063
5 0 0.5 0.993 1.001 1.117 0.008 0.116
6 05 1 1.030 1.403 1.603 0.373 0.200
7 025 O 0.818 1.001 1.019 0.183 0.018
8 0.05 0.05 0.847 0.887 0.909 0.04 0.022
9 0.75 0.25 0.854 1.379 1.440 0.525 0.061
10 0 0.5 0.860 0.864 0.977 0.004 0.113
11 05 1 0.855 1.214 1.411 0.359 0.197
1.2+
10 a : Ellg
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Figure 3.14 The final calibration curves
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Figure 3.15 Magnesium and calcium concentrations from a selection of constant
addition experiments (chapter 4) measured with the photospectrometric
method; the legend states the chemistry of the solution as added before starting
the experiments

3.5.2 Measuring solid composition of CaCO; using lon Chromatography

Solid calcium carbonate samples were dissolved in diluted HCI to measure the
chemical composition using IC (section 3.2.2). This dissolution approach was based
on the method described by MARINI et al. (2006). Approximately 50 mg calcium
carbonate was weighed and dissolved in 5 ml of 1.2 M HCI. The resulting solution
was diluted with MilliQ water up to 15 ml. One aliquot of this solution was diluted
10 times to measure calcium and  magnesium using the method described by
MARINI et al. (2006) using a methanesulfonic acid (MSA) eluent. A second aliquot
of this solution was diluted 2 times to measure sulfate following a column switching
method described by BRUNO et al. (2003) with carbonate/bicarbonate eluents. All the
measurements described here were performed on a Dionex® DX-500 ion
chromatography system using a conductivity detector to detect the separated ions.
The combined method described below was used for the measurements on the
chemical composition of the calcium carbonate samples produced with the constant

addition experiments (chapter 4).
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3.5.2.1 Cations

MARINI et al. (2006) used an lonPac® CS12A chromatographic column, 18
mM MSA eluent with a flow rate of 1 ml/min and a sample injection volume of 100
ul. The TonPac® CS12A chromatographic column has a medium capacity to alkaline
earth and alkali metals and ammonium. The method did not include a guard column
(Figure 3.3). To improve the ion separation between calcium and magnesium in the
column, a less concentrated eluent was used (15 mM MSA). With this eluent, the
first test measurements were performed on a series of acidified calibration standards
and a test sample of dissolved CaCOg3 (Figure 3.16). The peaks of all the metal ions
in the chromatographs from the test measurements are split. This caused the calcium
peak to overlap the position of the magnesium peak. Hence, the magnesium peak
could not be distinguished from the calcium peak (Figure 3.16B and 3.16C).
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Figure 3.16 Chromatographs of the first test of the method to measure cations (A) a
standard with: 2.5 ppm Na, 1 ppm Mg and 25 ppm Ca (B) a standard with: 10
ppm Na, 7.5 ppm Mg and 100 ppm Ca (C) a test sample from the constant
addition experiments (chapter 4)
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Figure 3.17 Chromatographs of the second test of the method to measure cations
(A) a standard with: 2.5 ppm Na, 1 ppm Mg and 25 ppm Ca (B) a standard
with: 10 ppm Na, 7.5 ppm Mg and 100 ppm Ca (C) a test sample from the
constant addition experiments (chapter 4)

Split peaks in IC are generally caused by high acidity of samples. To counter
this, a second test on the same samples was performed with a decreased injection
volume (25 pl, Figure 3.17). Using a decreased injection volume greatly decreased
the appearance of the split peaks. However the high calibration standards (Figure
3.17B) still showed split peaks in all cations included in the calibration standard.
The split calcium peak in the high calibration standards still covered the position of
the Mg peak (Figure 3.17B). However the low standards and the test sample (Figure
3.17A and 3.17C) did not show any split peaks. The split peaks in the high standards
was caused by the use of more than 10% of a 1000 ppm calcium standard which was
acidified with HNO3. To decrease the acidity of the calibration standards a fresh
1000 ppm calcium standard was prepared from pure CaCOg dissolved identically to
the dissolution of the experimental CaCO3; samples as described above. When

performing the measurements with calibration standards prepared with the freshly
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prepared calcium standard no split peaks were observed in any chromatograph
(Figure 3.18). In the chromatographs a good separation between the calcium and
magnesium peaks can be observed in both, the calibration standards (Figure 3.18A
and 3.18B) and the samples (Figure 3.18C and 3.18D). Additionally, this method did
show a good regression between the calibration standards and the detected
conductivity (Figure 3.19). Finally, the calcium and magnesium peak position
shifted with increasing concentration (Figure 3.16 — 3.18). This, however, did not
seem to influence the validity of the method. Hence, it was used to measure the
calcium and magnesium composition of the solid samples produced in the constant

addition experiments (chapter 4).
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Figure 3.18 Chromatographs of the final method to measure the cation contents of
dissolved calcium carbonate samples (A) a standard with: 2 ppm Na, 2 ppm
Mg and 50 ppm Ca, (B) a standard with: 15 ppm Na, 15 ppm Mg and 200 ppm
Ca (C) and (D) samples from the constant addition experiments (Table 4.1)
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Figure 3.19 Calibration curves from the final method to measure cation content of
dissolved carbonate samples

The use of this IC method to measure cations in dissolved carbonate is
advantageous over the use of ICP-MS and ICP-AES for alkaline earth and alkali
metals because of the small sample size needed for the analyses (25 pl instead of
>250 pl, de VILLIERS et al., 2002; Yu et al., 2005). An additional advantage of this
method is that an additional dilution step is not necessary, in contrast to analysing
cation incorporation using ICP-MS (Yu et al., 2005). It should also be noted that the
method described here only includes the analyses of Na, Mg and Ca. However, Li,
K, NH3, Mn, and Sr can also be analysed as described by MARINI et al. (2006).

Finally, calculations indicate that for this method the use of <200 pg of
calcium carbonate is needed to obtain 1 ml of solution for analyses. This mass is
similar to the mass of shell material used when measuring Mg/Ca ratios in
foraminiferal calcite using ICP-MS (OkAFOR et al., 2009). A test on this was
performed using a sample of unwashed foraminifera. Seven aliquots of this sample
were weighed (~0.09 — 0.21 mg) and dissolved in 10 pl 0.6 M HCI and diluted up to
0.5 — 1 ml. Figure 3.20 shows that the measured of the magnesium and strontium to
calcium ratios lay between 3 and 3.5 mmole/mole and 0.75 and 0.9 mmole/mole
respectively. The standard deviations (Figure 3.20) are similar to the standard
deviations from measurements using ICP-MS (OKAFOR et al., 2009). Additionally,
the inter-sample variation could be explained by residual evaporite or clay minerals,

because the foraminiferal calcite was unwashed.
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Figure 3.20 Test on the analyses of cations in an unwashed foraminifera sample as
a function of the mass of material weighed, the symbols represent the averages
of three analyses on the same dissolution and the error bars represent the
respective standard deviations

The photospectrometric (section 3.5.1) and the ion chromatography method
both allow simultaneous calcium and magnesium analyses. However, the
photospectrometric method is quicker than the ion chromatography method. Hence,
the photospectrometric method is more suitable to perform analyses on many
samples. Additionally, the ion chromatography method is more precise and the
concentration range is significantly larger compared to the photospectrometric
method (Figure 3.14 and 3.19). Hence, when the magnesium and calcium
concentrations are significantly different like in foraminiferal calcite (Figure 3.20)

and when high precision is required the ion chromatography method is more
suitable.

3.5.2.2 Anions

The IC method to analyse SO, used here was designed to analyse nutrients in
saline solutions (BRUNO et al., 2003). The method used a high capacity analytical
column (lonPac® AS9-HC) and two guard columns (lonPac® AG9-HC). During the
analyses, a 14 mM carbonate — 3 mM bicarbonate eluent (EA) and a 9 mM
carbonate eluent (EB) were used. Between the guard columns and the analytical

column, a switching valve was located (Figure 3.21).
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Figure 3.21 Column switching ion chromatography set-up used for the method to
analyse anions in dissolved calcium carbonates, based on the method described
by BRUNO et al. (2003)

An initial separation was achieved in the two guard columns using eluent EA.
This allowed for the switching valve to selectively remove much of the chloride to
waste while retaining the nutrients (BRUNO et al., 2003). The nutrients were further
separated in the analytical column using eluent EB. This method was used in this
method development because of the high chloride concentration in the solutions due
to the use of HCI to dissolve the CaCO3 samples. Finally, sulfate was analysed using
a conductivity detector (BRUNO et al., 2003).

Initially, the position of the valve switch needed to be determined to eliminate
most of the chloride from the measurement but to retain the SO,4. This was done by
temporarily eliminating the analytical column and the valve switch from the set-up.
This resulted in the chromatograph shown in Figure 3.22A. The conductivity signal
from chloride and sulfate can be identified in this chromatograph. When
implementing the valve switch at 1 min., most of the chloride signal is removed
from the chromatograph and the sulfate signal is still detected by the conductivity
detector (Figure 3.22B). Hence, the first test to analyse sulfate in the dissolved
calcium carbonate samples was performed using the complete set-up including the

analytical column (Figure 3.21) with the valve switch at 1 min (Figure 3.23).
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The height of the chloride peak differed between the analyses of both
calibration standards, yet the amount of chloride in both calibration standards was
equal (Figure 3.23A and 3.23B). This indicates that the switching valve does not
always switch at exactly 1 min as anticipated. This variability caused some of the
sulfate in the injected sample to be removed to waste instead of separated on the
analytical column. Due to this variability in the timing of the valve switch, the
measurement is not stable with the switch at 1 min. This is shown in Figure 3.24A,
where the detected signal of sulfate was not proportional to the amount of sulfate in
the calibration standards. Hence, the valve switch was set at 0.85 min (Figure 3.25).
This did show a good regression between the sulfate concentration in the calibration
standards and the detected conductivity (R? = 0.99994, Figure 3.24B). Hence, this
method was used to measure the sulfate composition of the solid samples produced

in the constant addition experiments (chapter 4).
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Figure 3.22 Test chromatographs of a standard with 50 ppm SO, to determine the
timing of the column switch (A) chromatograph of the 50 ppm standard using
only the guard columns in the set-up (B) chromatograph of the 50 ppm
standard using the guard columns and the switching valve (at 1 min) without
the analytical column
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Figure 3.23 Chromatographs of the test with the analytical column in line and with
the column switch at 1 min. (A) a standard with 20 ppm SO, (B) a standard
with 50 ppm SO, (C) a CaCO3; sample described in chapter 7
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Figure 3.24 Two calibrations of the method to measure anions in dissolved calcium
carbonate samples with the column switch at (A) 1 min. (Figure 3.23) (B) 0.85
min. (Figure 3.25); the red lines are the best fit for the calibration with the
column switch at 0.85 min
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Figure 3.25 Chromatographs of the final method with the analytical column in line
and with the column switch at 0.85 min. (A) a standard with 20 ppm SO, (B) a
standard with 50 ppm SO, (C) a CaCOj3 sample described in chapter 7

The IC method described here is a simple method to analyse the sulfate
composition of calcium carbonate samples, using the dissolution method described
in section 3.5.2.1. Figure 3.26 shows the results from measurements of carbonate
associated sulfate (CAS) in foraminiferal calcite. The results from the valve
switching method show a similar trend as the results from the gravimetrical method
(Figure 3.26). However, two calcium carbonate samples do show a large difference
between the CAS determined using IC and the gravimetrically determined CAS. For
these, the gravimetric method resulted in a negative amount or exactly 0 ppm CAS
(Figure 3.26). Hence, the CAS values obtained using the IC was likely to be better
representative of the samples. Additionally, gravimetrical determination on the
amount of CAS in samples can have an error of up to 50% (OLCOTT et al., 2004).
Finally, the dissolution method and the analyses described here to determine the

chemical composition of calcium carbonate are less elaborate than gravimetrical
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methods (NEWTON et al., 2004). Hence, the valve switching method is likely to be

suitable for CAS determinations.
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Figure 3.26 Measurements on the amount of CAS in foraminiferal calcite, the black
squares represent the average of 4 separate analyses on the amount of CAS
using IC and the error bars represent the respective standard deviation, the red
circles represent the amount of CAS determined using the gravimetrical
method (CLERC, 2007); multiple analyses with the same age were performed
on different size fractions of the same sample

Tests were also performed to determine the necessary amount of HCI needed
to easily dissolve calcium carbonate samples. This resulted in the possibility to
decrease the amount of HCI used to dissolve the calcium carbonate samples. Less
HCI could additionally lead to eliminating the switching valve in the method. This
would make the method much less prone to the variability of the valve switch as
discussed above. This could decrease the standard deviation in the measurements
significantly. Additionally, chromatographs of CAS analyses in foraminiferal calcite
showed the possibility to analyse phosphate and nitrate in addition to sulfate for

which the valve switching method was designed (BRUNO et al., 2003).
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Chapter 41

The role of SO, in the switch from calcite to aragonite seas

4.1 Abstract

Throughout the Phanerozoic, the primary inorganic marine calcium carbonate
mineralogy oscillated between calcite and aragonite, reflecting changes in seawater
chemistry. These variations in seawater composition also appear to have influenced
the evolution of calcifying organisms. However, the processes controlling these
mineralogical and biological changes are poorly constrained: previous work has
focused mainly on the Mg/Ca ratio in seawater as the primary driver. Here |
examine the role of dissolved SO, in these processes by performing controlled
laboratory precipitation experiments and geochemical modelling of evaporite
formation. | show that an increase in dissolved SO, decreases the Mg/Ca ratio at
which calcite is destabilized and aragonite becomes the dominant CaCOs;
polymorph. My data suggest that the Mg/Ca and SO, thresholds for forming a
calcite sea are significantly lower than previous estimates and are mutually
dependent. This shows that our understanding of Phanerozoic changes in seawater
chemistry and the models relating this to primary CaCOs; mineralogy need re-

evaluation.

4.2 Introduction

The primary marine CaCO3 polymorph in cements and 06ids is documented to

have oscillated between calcite and aragonite throughout the Phanerozoic

1 The online supporting information (GSA data repository) to the published material
is described in section 4.6 and the figures from the GSA data repository are
deposited in Appendix A. The Appendix to this chapter (Appendix A) also
contains the Topas Rietveld refinements (only described in the publication) and
the results and description of unpublished test experiments performed at 10°C.
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(SANDBERG, 1983). The periods recognized when predominantly abiotic calcite or
aragonite formed are now known as calcite and aragonite seas. However, the records
show that during the Phanerozoic, the CaCO3; formed was rarely pure calcite or
aragonite (WILKINSON et al., 1985; ZHURAVLEV and WooD, 2009). Similar patterns
in CaCOg3 biomineral formation have been reported for several, but not all, marine
fossils (e.g. bryozoans and rugose corals). Most organisms adopted the dominant
mineralogical form from the oceans in which they evolved (e.g., STANLEY, 2006;
WILKINSON et al., 1985; ZHURAVLEV and WooD, 2009), suggesting that the oceans
had a profound effect on the evolution of calcifying organisms (PORTER, 2007).
Explanations ranging from aqueous Mg/Ca (DAvViIs et al., 2000; MORSE et al., 1997;
STANLEY, 2006), to temperature (BURTON and WALTER, 1987), to pCO,, and
subsequent changes in pH and alkalinity (SANDBERG, 1983; WILKINSON et al.,
1984), have been invoked to explain the oscillating trends in CaCO3; mineralogy.
Currently, the aqueous Mg/Ca ratio is thought to have been the major driving force
behind the changes (HARDIE, 1996; LOWENSTEIN et al., 2003; MORSE et al., 1997).
Mg substitution for Ca in the calcite structure is a function of the Mg/Ca and
temperature (BURTON and WALTER, 1991). Mg substitution affects the
thermodynamic stability of calcite (DAvis et al.,, 2000; KONIGSBERGER and
GAMSJAGER, 1992) and inhibits calcite growth (DAvis et al., 2000). In addition,
experimental studies have shown that Mg has a negligible effect on the stability of
aragonite, causing aragonite to precipitate instead of calcite at an aqueous Mg/Ca
higher than ~1.3 (MORSE et al., 1997). However, models of the chemical changes in
seawater suggest that the switch from calcite to aragonite seas occurred at an
aqueous Mg/Ca from ~1 (WILKINSON and ALGEO, 1989) to ~2 (HARDIE, 1996).
These differences indicate that some uncertainty remains about the threshold level of

Mg/Ca to induce a mineralogical change.

Coincident with the changes in CaCOjz; mineralogy, the evaporites that
precipitated from marine brines during the same geological periods oscillated
between KCI (calcite sea) and MgSO, (aragonite sea) types (HARDIE, 1996), which
formed from seawater containing higher concentrations of dissolved CaCl, and
MgSO,, respectively (LOWENSTEIN et al., 2003). Analyses of halite fluid inclusions
indicated that SO, and Mg/Ca co-varied during the Phanerozoic in phase with the
changes in CaCO3; mineralogy (HORITA et al., 2002; LOWENSTEIN et al., 2003).

These observations support the hypothesis that changes in solution chemistry (e.g.
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Mg/Ca) were responsible for the oscillations between calcite and aragonite seas
(e.g., STANLEY, 2006), but they also suggest that other dissolved ions (e.g. SOy)
might have a significant influence.

The concentration of SO, in the Phanerozoic sea has been determined to have
fluctuated between ~5 and ~30 mM (HORITA et al., 2002; LOWENSTEIN et al., 2003),
and experimental studies have shown that SO, decreases calcite stability and
precipitation rate more markedly than for aragonite (BUSENBERG and PLUMMER,
1985; WALTER, 1986). This indicates that in addition to Mg/Ca, SO, may also act as
a major influence on CaCO; precipitation (RAILSBACK and ANDERSON, 1987).
However, the influence of SO, in addition to that of the Mg/Ca ratio on the calcite to

aragonite seas has so far been largely overlooked (LEE and MORSE, 2010).

I quantified the effects of SO, and Mg/Ca ratio on the CaCO3; mineralogy
precipitated from solutions by performing laboratory-based CaCOj; synthesis
experiments at a range of SO, concentrations and Mg/Ca values. These experiments
were combined with information from geochemical models of changes in evaporite
mineralogy caused by fluctuations in seawater composition, allowing us to include
SO, in, and re-evaluate, the existing models relating seawater chemistry to CaCOg3

mineralogy throughout the Phanerozoic.

4.3 Methods

Constant addition experiments were performed at 21 + 1 °C using the method
of TESORIERO AND PANKOW (1996). Glass spheres (100 um Biospec Products©)
were used to create a surface for nucleation and to mimic the inorganic precipitation
of CaCOj3 on 0dids. The initial solution for each experiment (500 mL) contained 10
mM CacCl,, 0-55 mM MgCl,, 0-100 mM Na,SQy, and 2 g/L glass spheres. The total
Mg and SO, concentrations bracketed proposed Phanerozoic seawater
concentrations (HORITA et al., 2002). The salinity (ionic strength of ~0.6 M) and
initial pH (~8.2, in equilibrium with the atmosphere) were adjusted to seawater
values by the addition of NaCl and NaOH, respectively. While being continuously
shaken on an orbital shaker (270 rpm), precipitation was induced by continuously
injecting two solutions into the initial solutions via a syringe pump at 1 mL/h for
~48 h. These input solutions contained 250 mM CaCl; or 230 mM Na,CO3. MgCl,
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(0-110 mM) or Na,SO4 (0-200 mM) was added to the input solutions to negate
dilution of Mg and SO,. At the start, during (~5 times), and at the end of the
experiments, the pH of the reacted solutions was measured. Simultaneously, solution
samples (~4 mL each) were removed and filtered through 0.2 um filters and were
either immediately acidified with HCI (for total Ca and Mg measurements) or stored
frozen (for total SO4 measurements). After the experiments were terminated (~48 h),
the precipitated solids were separated from the solutions by filtering through 0.2 um
membrane filters. The resulting solids were washed three times with 18.2 MQ Milli-
Q grade H,O equilibrated with calcite, filtered again, and dried at 95 °C for a

minimum of 24 h.

The solutions were analyzed for total Ca and Mg using a spectrophotometric
method using calmagite as an indicator (Method 8030, Hach Lange, Dusseldorf,
Germany) and for total SO, by ion chromatography (IC) with a
carbonate/bicarbonate eluent. The equilibrium alkalinity was calculated with
PHREEQC (PARKHURST and APPELO, 1999) from the equilibrium pH, assuming
equilibrium with the atmosphere. Powder X-ray diffraction (XRD) analyses of the
solids were performed using a Bruker D8 X-Ray Diffractometer (Cu kal) with a
silicon internal standard. The XRD patterns were analyzed with Topas4—2®
(BRUKER_AXS, 2009) to determine the relative proportions of the precipitated
CaCOg3 polymorphs and the CaCOg3 unit cell dimensions. Finally, aliquots of the
precipitates were dissolved in 1.2 M HCI, and the resulting solutions were analyzed
using IC methods modified after MARINI ET AL. (2006) to measure Ca and Mg, and
after BRUNO ET AL. (2003) to measure SO,4. During most experiments, a mixture of
calcite, aragonite, and/or vaterite precipitated (Table 4.1). If the solid samples
contained more than 99% aragonite, the total SO, and Mg solid composition was
assumed to represent the composition of aragonite. The aragonite compositions (as a
function of the solution chemistry) were then used to calculate the aragonite
composition in samples with less than 99% aragonite. The total composition and the
estimated aragonite compositions were then used to calculate the calcite and vaterite
composition in the samples where either calcite or vaterite was present alongside
aragonite. This approach was used to determine the composition of the CaCOg3

polymorphs in all samples.
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Table 4.1 Summary of the CaCO3; mineralogy and composition from the constant addition

experiments
Solution chemistry* Solid composition after 48h
Polymorph distribution® Total composition Calcite® Aragonite® Vaterite®
SO, Mg/Ca Calcite  Aragonite Vaterite SO, Mg SO, Mg SO, Mg SO, Mg
(mM)  (mM/mM) (%) (%) (%) (mol%)  (mol%)  (mol%)  (mol%) (mol%)  (mol%)  (mol%)  (mol%)
0.0 0.00 100.0 0.0 0.0 0.00 0.000 0.00 0.00 - - - -
0.0 0.22 97.3 2.7 0.0 0.00 0.627 0.00 0.64 0.00 0.012 -
0.0 0.55 89.9 10.1 0.0 0.00 1.403 0.00 1.81 0.00 0.025 - -
0.0 0.77 6.3 93.5 0.0 0.00 0.144 0.00 1.87 0.00 0.031 - -
0.0 0.96 <1 99.5 0.0 0.00 0.028 - - 0.00 0.028 - -
0.0 1.99 0.0 100.0 0.0 0.00 0.057 - - 0.00 0.057 - -
0.0 5.22 0.0 100.0 0.0 0.00 0.088 - - 0.00 0.088 - -
51 0.21 94.0 6.0 0.0 1.02 0.602 1.07 0.64 0.25 0.012 - -
51 0.36 37.2 62.8 0.0 0.43 0.361 0.74 0.94 0.25 0.018 - -
4.9 0.52 6.6 93.5 0.0 0.25 0.103 0.44 1.25 0.24 0.024 - -
5.3 0.77 <1 99.3 0.0 0.24 0.035 - - 0.24 0.035 - -
9.8 0.00 90.4 0.0 10.6 1.62 0.000 1.74 0.00 - - 0.59 0.00
11.0 0.10 70.4 29.6 0.0 1.23 0.221 1.56 0.31 0.43 0.007 - -
10.6 0.22 46.7 53.3 0.0 0.91 0.274 1.47 0.59 0.42 0.012 - -
10.1 0.51 <1 99.1 0.0 0.38 0.022 - - 0.38 0.022 - -
9.7 0.75 <1 99.7 0.0 0.41 0.034 - - 0.41 0.034 - -
10.2 1.00 0.0 100.0 0.0 0.41 0.026 - - 0.41 0.026 - -
22.9 0.10 12.4 52.0 35.7 0.91 0.153 2.08 0.30 0.66 0.006 0.87 0.32
36.5 0.00 15 12.9 85.6 1.22 0.000 3.07 0.00 0.87 0.000 1.28 0.00
33.5 0.10 15 66.5 32.0 0.92 0.107 2.44 0.31 0.83 0.007 1.05 0.31
34.4 0.19 <1 99.5 0.0 0.86 0.011 - - 0.86 0.011 - -
31.8 0.51 <1 99.6 0.0 0.77 0.023 - - 0.77 0.023 - -
32.4 1.01 0.0 100.0 0.0 0.81 0.034 - - 0.81 0.034 - -
57.6 0.00 0.0 30.2 69.8 1.37 0.000 - - 1.13 0.000 1.48 0.00
56.8 0.10 0.0 88.1 11.9 1.11 0.047 - - 1.11 0.007 1.32 0.35
110.8 0.00 0.0 69.4 30.6 1.69 0.000 - - 1.60 0.000 1.88 0.00
109.9 0.23 0.0 100.0 0.0 1.47 0.013 - - 1.47 0.013 - -
104.8 0.51 0.0 100.0 0.0 1.50 0.023 - - 1.50 0.023 - -
106.4 0.98 0.0 100.0 0.0 157 0.046 - - 1.57 0.046 - -

*The solutions in all experiments also contained 10mM Ca and had an ionic strength of ~0.6M
<1 was used when 0-1% calcite was present.
SA hyphen was used when the composition for this polymorph is not relevant.

PHREEQC (PARKHURST and APPELO, 1999) evaporation simulations were
carried out to evaluate the minerals formed from evaporating seawater with varying
Mg and SO, concentrations, as would have occurred during the Phanerozoic
(HARDIE, 1996). The method, starting solution compositions, and detailed results
from the PHREEQC simulations are described in section 4.6.1 and Appendix A
(Table A.1 — Table A.4; Figure A.1 — Figure A.10).

4.4 Results and discussion

The solution chemistry and solid composition for all experiments are
summarized in Table 4.1. During most experiments, a mixture of calcite, aragonite,
and/or vaterite precipitated. The dominant polymorph (>50%) as a function of
Mg/Ca and SO, concentration is plotted in Figure 4.1. Note that 100% calcite only
formed in experiments without Mg and SOy, in solution (Table 4.1). With increasing
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Mg in solution, the Mg substitution into calcite increased (Table 4.1). This change in
composition caused the calcite stability to decrease and the aragonite to calcite ratio
in the solid to increase (Table 4.1). In the absence of sulfate, only aragonite
precipitated at Mg/Ca > ~1.7 (Figure 4.1), which is in accordance with results given
by MoRSE ET AL. (1997), while at Mg/Ca > ~0.6-0.7, aragonite became the most
dominant phase precipitated (Figure 4.1). DAvIS ET AL. (2000) showed that when
Mg exceeds ~1.8 mol% in calcite, aragonite becomes more stable than calcite,
which is in agreement with the calculated calcite compositions in the samples when
aragonite becomes dominant over calcite (Table 4.1). This suggests that the stability

of the CaCO3 polymorphs is marked by its dominance field in Figure 4.1.

60 - . m >50% Calcite (Cc)
T ¢ >50% Aragonite
50+ >50% Vaterite
< 1 O 100% Calcite
= 404 No Cc &> Aragonite
é 1 ¢ /A Calcite mixed with
< 30 aragonite or vaterite
O
9 20-
< i Proposed—caicitesea MaSO
O 10 Jm  INENN S - 9°%
= ce o e —— CTTT g,
0 : ! M
0.0 05 1.0 1.5 2.0

Mg/Ca (mM/mM)

Figure 4.1 Polymorph distribution as a function of solution chemistry; closed
symbols represent dominant CaCOj3 polymorph as measured in current study;
open symbols represent previous research (DONER and PRATT, 1969, 26 °C;
LEe and MORSE, 2010, 23 °C; MoRsE et al., 1997, 20 °C; SImMKISS, 1964, 22 °C
with an increase to 28 °C); diagonally shaded area highlights Mg/Ca and SO,
field where calcite was present in solid phase after 48 h between 0% and 50%;
horizontally shaded area represents proposed calcite sea concentrations
(HoriTA et al., 2002); and dashed horizontal line represents switch from KCI
to MgSQ, evaporites (LOWENSTEIN et al., 2003) as determined from
PHREEQC evaporite simulations.

When the SO, concentration in calcite (Table 4.1) increased, there was an
anisotropic change in the calcite unit cell parameters (1.5 mol% SO, incorporation
caused the c-axis to increase by 0.22% and the a-axis to decrease by 0.035%; Figure
A.11). This is indicative of the substitution of tetrahedral SO, for planar COs ions in

calcite (KONTREC et al., 2004). Hence, changes in pH or alkalinity will affect the
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incorporation of SO, into the calcite structure (BUSENBERG and PLUMMER, 1985).
The change in the calcite structure by SO, incorporation caused calcite solubility to
increase (BUSENBERG and PLUMMER, 1985) and is likely to have decreased the
calcite precipitation rate relative to aragonite (WALTER, 1986). Incorporation of SO4
into aragonite was ~2—4 times lower than into calcite (Table 4.1). Furthermore, SO,
had little effect on the aragonite structure (1.5 mol% SO, incorporation caused the c-
axis to increase by ~0.07% and the b-axis to increase by ~0.02%; Figure A.12)
compared to calcite. This demonstrates that SO, influenced the stability of aragonite
different than calcite, causing aragonite to become more stable than calcite. This
explains the precipitation of aragonite instead of calcite at lower Mg/Ca in the
presence of SO, (e.g. Mg/Ca = 0.9 at 10 mM SOy; Figure 4.1).

SO, incorporation into vaterite (a rare and unstable CaCO3; mineral) did not
significantly affect the unit cell parameters of vaterite (Figure A.13). This indicates
that the precipitation of vaterite in the presence of SO, and absence of Mg (Table
4.1; Figure 4.1) (DONER and PRATT, 1969; SiMKIss, 1964) was likely to be caused
by a positive effect of SO, on the stability of vaterite (FERNANDEZ-DiAz et al., 2010)
relative to calcite. Mg incorporation into vaterite (Table 4.1) caused a significant
decrease in the unit cell parameters (0.3 mol% Mg decreased the a-axis by 0.06%
and the c-axis by 0.03%), while it did not affect the SO, incorporation. Vaterite
inhibition at aqueous Mg/Ca > 0.2 is likely to be due to the changes in the vaterite

structure caused by Mg incorporation.

4.5 Implications for Phanerozoic seawater chemistry

The mineralogical and morphological data indicate that SO, exerted a
significant influence on CaCO3 polymorphs (Figure 4.1; Figure 4.3). In contrary to
previous experimental work, the current study used constant solution compositions
(e.g. pH, [Ca*']) and a precipitation mechanism that mimicked o6id formation to
give a good representation of abiotic calcium carbonate formation in Phanerozoic
seawater (see section 4.6.2). My data show that SO, needs to be incorporated into
the models relating Phanerozoic seawater chemistry with the switch from calcite to
aragonite seas. PHREEQC evaporation simulations using input solutions in the

experimental range predicted a switch between KCI and MgSO, evaporites
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(coincident to CaCl, and MgSQO, seas and calcite and aragonite seas) (HARDIE, 1996;
LOWENSTEIN et al., 2003) at ~9 mM SOy, regardless of the aqueous Mg/Ca (Figure
4.1; Figure A.l1 — A.8; Table A.1l). This SO, concentration, combined with
experimental results, indicates that the thresholds for calcite presence are within the
lower range of the proposed calcite seawater concentrations (e.g. at 9 mM SOy,
Mg/Ca < ~1.1; Figure 4.2). However, the primary CaCO3; mineralogy during calcite
and aragonite seas was rarely exclusively calcite or aragonite (WILKINSON et al.,
1985; ZHURAVLEV and Woob, 2009). | therefore propose that the thresholds for
calcite seas are better represented by calcite dominance (e.g. at 5 mM SO4, Mg/Ca <
~0.3; Figure 4.2). The thresholds for calcite dominance do not overlap with the
previously proposed seawater concentrations determined from halite fluid inclusions
(Figure 4.2) (HoRITA et al., 2002; LOWENSTEIN et al., 2003), but they are in
agreement with SO, concentrations inferred from &**S isotope records from the
Early Jurassic (<5 mM) and Cretaceous (<4 mM) (NewTtoN et al.,, 2011;
WORTMANN and CHERNYAVSKY, 2007). The Mg/Ca threshold is also compatible
with Mg/Ca ratios from abiotic CaCO3 minerals from the early Mississippian calcite
sea of 0.2-0.3 (HAsluk and LOHMANN, 2008). Finally, the thresholds for the
precipitation of 100% calcite (e.g. at 3 mM SO, Mg/Ca < ~0.15; Figure 4.2) are
unrealistic for seawater; therefore, it is highly unlikely that a pure calcite sea could
have formed. The calcite threshold | propose (calcite dominance; Figure 4.2)
demonstrates that either the primary CaCO3; mineralogical information from ancient
o0ids needs re-evaluation or that Mg/Ca and SO,4 concentrations were much lower
than proposed from halite fluid inclusions as indicated by recent studies (HASIUK

and LOHMANN, 2008; NEwWTON et al., 2011; WORTMANN and CHERNYAVSKY, 2007).
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Figure 4.2 Mg/Ca thresholds for 100% calcite, calcite dominance, and presence;
error bars are estimated from Figure 1, and horizontally shaded area represents
proposed calcite sea chemistry (HORITA et al., 2002).

PHREEQC simulations using Phanerozoic seawater solutions (HORITA et al.,
2002) revealed a large difference between the switch from KCI to MgSO, evaporites
(Mg/Ca =1.9 and SO4 =19 mM; Figure A.9 — A.10; Table A.2) and the calcite
thresholds (Figure 4.2). One explanation is that the KCI and MgSO, evaporite types
only seem to coincide with the calcite and aragonite seas, respectively, due to low
time resolution of the mineralogical records. | could therefore predict that higher-
resolution records will reveal that the switches in evaporites and CaCO3 mineralogy
are sequential rather than coincident. As shown previously herein, PHREEQC
simulations using the experimental solutions did not reveal such a difference. Hence,
the absolute Ca and Mg concentrations could have been lower than currently
proposed for the calcite seas. Lower absolute Ca and Mg concentrations are not
unlikely, because the high concentrations for calcite seas (as proposed from halite
fluid inclusions) result from assumptions that the gypsum saturation state did not
change significantly (HORITA et al., 2002). In addition, PHREEQC modelling
indicates that from different starting compositions (i.e. Ca concentrations),
equivalent final invariant solutions and similar evaporite sequences are obtained
(e.g. simulation runs 14 and 20 in Table A.1 and Table A.2).

My work demonstrates that current seawater chemistry models cannot explain
the distribution of inorganic marine carbonate minerals throughout the Phanerozoic.

| propose new and lower limits on seawater chemistry during the calcite seas (e.g. at
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5 mM SO,4, Mg/Ca < ~0.3; Fig. 2) as a result of inclusion of SO4 and use of a more
representative experimental approach combined with geochemical modelling on
evaporite formation. These new limits require reevaluation of the geological
evolution of important biogeochemical cycles (Ca, Mg, and S) and their relationship

to primary CaCO3; mineralogy.

4.6 GSA data repository

4.6.1 PHREEQC evaporation simulations

PHREEQC (PARKHURST and APPELO, 1999) evaporation simulations using the
Pitzer equation were carried out to evaluate the minerals formed from evaporating
seawater with varying Mg and SO, concentrations as would have occurred during
the Phanerozoic (HARDIE, 1996). The composition of the input solutions in the
evaporation models (2-20mM Mg, 5-15mM SOy, 10.5mM Ca 10.4mM K, 558mM
Cl and Na was adjusted to charge balance the solutions, Table A.1) were within the
chemical range of the experimental solutions (Table 4.1). In addition, the
Phanerozoic seawater composition from both calcite and aragonite seas, including
compositions between these end members (8mM SO,4, 30mM Ca and 29mM Mg to
29mM SO,4, 10mM Ca and 54mM Mg, Horita et al., 2002; Table A.2) were also
used as input solutions in the evaporation simulations. The simulations were run by
removing increasing amounts of H,O from the solutions and allowing precipitation
(Table A.3). All simulated solutions contained Ca, Mg, SOy, Na, Cl, CO3 and K to
allow precipitation of all major evaporite minerals, listed in Table A.4, during the

simulations (HARDIE, 1996).

A summary of the results from the PHREEQC modelling are presented in
Table A.1 and Table A.2. Figure A.1 — Figure A.4 and Figure A.9 show the
evolution of the solution composition as a function of the remaining water as
modelled by PHREEQC and Figure A.5 — Figure A.8 and Figure A.10 show the
occurrence of the evaporite minerals in equilibrium with the evaporated solutions
(Figure A.1 — Figure A.4 and Figure A.9). The evaporite type (HARDIE, 1996) was
determined by examining the evaporite mineral sequence (Table A.1, Table A.2,
Table A.4 and Figure A.5 — Figure A.8 and Figure A.10). When sylvite, and/or

CaCl, minerals (Table A.4) were present during the evaporation of the modelled



-85 -

solutions in the absence of MgSO,4 minerals, the evaporite type was determined to be
KCI, and the evaporite type was determined to be MgSO, when polyhalite, and/or
kieserite were present during the evaporation of the modelled solutions (HARDIE,
1996). For the purpose of this chapter | included the MgSO, + KCI evaporite type in
the MgSO, type because both of these evaporite types were coincident with the
aragonite seas (HARDIE, 1996). The sea type (e.g. LOWENSTEIN et al., 2003) was
determined from the composition of the final invariant solution (Table A.1 and
Table A.2); when the Ca concentration exceeded the SO4 concentration, the sea type
was determined to be CaCl, and when the SO, concentration exceeded the Ca
concentration, the sea type was determined to be MgSO,. Using the chemical divide
(at which the switch from CaCl, to MgSO, precipitation occurs) that e.g.
LOWENSTEIN et al. (2003) used does not result in the same sea type that the final
invariant solution suggests. According to LOWENSTEIN et al. (2003) the CaSO,
chemical divide, when the calcium and sulfate concentrations are equal in seawater,
is the chemical boundary condition between different evaporite types; i.e. when the
calcium concentrations is less than the sulfate concentration, sulfate is left in the
evaporating solution and magnesium sulfate evaporites (e.g. Kieserite, Table A.4) are
able to precipitate resulting in a MgSO, evaporite sequence originating from a
MgSO, sea. However, this does not take into account the precipitation of CacCl,
minerals like antarcticite and tachyhydrite (Table A.1 and Table A.2 and Figure A.1
— Figure A.10), which form in addition to CaSO,4 minerals. This removes additional
Ca from solution, therefore the Ca/SO, ratio at which additional SO4 remains in
solution to form MgSQO, evaporites is >1.(e.g. in a seawater solution with initial [Ca]
=10.5mM, the calculated chemical divide, separating between MgSO, and KCI
evaporite types occurred at ~9mM SOy, Table A.1).

4.6.2 Validation of the experimental method

Throughout the constant addition experiments, the solution chemistry (Mg,
SO, and Ca, Table 4.1) remained constant (£5%). This is in contrast to free drift
experiments (e.g., MORSE et al., 1997) in which major changes in solution chemistry
occur during CaCO3 formation (i.e., significant increases in Mg/Ca, MORSE et al.,
1997). The CaCOjz; was precipitated onto glass spheres to mimic abiotic o6id

formation in the ocean. In addition, the solids were imaged using a Field Emission
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Gun Scanning Electron Microprobe (FEG-SEM) to obtain morphological
information (Figure 4.3). CaCO;3 precipitated on the glass spheres show similar
features compared to natural aragonite and calcite odids, where aragonite needles
precipitated tangentially on the glass spheres (Figure 4.3a — 4.3c) and calcite
rhombohedras radially (Figure 4.3d — 4.3e) (e.g., SIMONE, 1980; WILKINSON et al.,
1984). This emphasizes the applicability of my experimental approach to closely

mimic abiotic CaCO3; mineral formation in Phanerozoic seawater.

Figure 4.3 FEG-SEM images of aragonite (a-c) and calcite (d-e) precipitated on
glass spheres.

Muccl and MoRSE (1983) determined that saturation state and precipitation
kinetics do not influence the incorporation of Mg into calcite. This indicates that the
mineral phases formed during the experiments were not influenced by the different
absolute Ca (10mM) concentration used compared to proposed Phanerozoic
seawater concentrations (up to 30mM Ca, HORITA et al., 2002). During the first 2—
3h of each experiment, the injection of the NaCOj3 solutions caused the pH to
increase to ~8.9. This was a consequence of an increase in alkalinity from ~1.8mM
to ~4.5mM due to the lack of CaCO; precipitation. The initiation of CaCOj3
precipitation caused the pH to decrease rapidly and stabilize at ~8.2. Such a
temporary increase in alkalinity has no significant effect on CaCO; precipitation
(LEe and MoRSsE, 2010). Finally, model predictions for seawater alkalinity during
the Phanerozoic (~2-~7mM, MACKENZIE et al., 2008) do not differ significantly
from the alkalinity during my experiments (~1.8mM), and Lee and MoRsE (2010)
showed no significant effect on the precipitation on CaCOj3 within this range of
alkalinities (1-7mM).
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Chapter 52
Mechanistic Insights into the Crystallization of Amorphous Calcium
Carbonate (ACC)

5.1 Introduction

Calcium carbonates form in a wide variety of natural environments (e.g. soils
and sediments) and they are ubiquitous at the Earth’s surface, in the form of ancient
limestone deposits or modern marine carbonate reefs. Most modern, natural calcium
carbonate phases are formed by organisms as biominerals while fulfilling a wide
variety of functions (e.g. stability, protection). Generally, the most predominant and
most stable calcareous biominerals are calcite and aragonite (LOWENSTAM, 1981;
WEINER and Dove, 2003), yet, in some cases the less stable vaterite is also
biomineralized (LOWENSTAM, 1981) (e.g. in spicules of a sea squirt (LOWENSTAM
and ABBOTT, 1975) and various fish otoliths (TOMAs and GEFFEN, 2003)).
Conversely, synthetic calcium carbonates with specific size and shape properties are
produced in large quantities in many industrial processes (e.g. paper manufacture,
pharmaceuticals), while in some cases their precipitation leads to highly undesirable
effects (e.g. scale formation in oil pipes), and this can lead to high repair and
replacement costs. Despite their importance, a clear understanding of the
fundamental process controlling the crystallization of calcium carbonate is still

lacking.

The anhydrous, crystalline calcium carbonate (CaCO,) polymorphs, which
form under ambient conditions, are calcite, aragonite and vaterite. Their
crystallization is often preceded by the formation and subsequent transformation of
amorphous calcium carbonate (ACC). Many biomineralizing organisms utilize ACC

to precisely control the shape and CaCO, polymorph (WEINER and Dove, 2003)

2 The online supporting information is inserted into the chapter where the data is
first described and discussed (Figure 5.2E, Figure 5.4, Table 5.1 and Table 5.2)
and a table with the summary of the evolution of the solution chemistry
(calculated using PHREEQC) is deposited in Appendix B.
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during the formation of their shells or spines (PoLiTi et al., 2004; WEIss et al.,
2002). For example, sea urchin larvae produce highly elongated single crystals of
calcite by the controlled deposition and transformation of ACC within their
biological membrane (PoLIT! et al., 2008). Such natural biological processes have
informed biomimetic studies of crystal growth and design and are now used to
manipulate the shape and size of synthetic calcium carbonate particles (GOWER,
2008; MELDRUM and COLFEN, 2008).

The structure and chemistry of ACC is complex; several forms of ACC have
been classified according to their water content, local order and mode of formation
(e.g. abiotic vs. biogenic) (GEBAUER et al., 2010; RADHA et al., 2010), with the key
variable being the amount of structural water. Hydrated-ACC can contain up to ~1.6
mole of water per mole CaCOg, yet several less hydrated and even anhydrous forms
of ACC have been described. For example, RADHA et al. (2010) produced both less
ordered, more metastable and more ordered, less metastable ACC. Interestingly, a
similar process has been observed by PoLITI et al. (2008) during sea urchin spicule
formation, where the initially transient, hydrated ACC transformed to anhydrous
ACC before crystallizing to calcite via a secondary nucleation process. Furthermore,
the enthalpies of the ACC phases in relation to the crystalline calcium carbonates
show that energetically the sequence of increasing stability and therefore the
crystallization pathway (following the Ostwald step rule, VAN SANTEN, 1984)
should be as follows: disordered, hydrated ACC -> less disordered, less hydrated
ACC - anhydrous ACC -> vaterite - aragonite = calcite (RADHA et al., 2010).
This sequence highlights that all ACC phases have higher formation enthalpies than
the crystalline polymorphs, thus ACC can act as a precursor to any of the anhydrous
crystalline phases. However, in inorganic systems the transformation of ACC to its
crystalline counterparts is often extremely rapid (seconds to minutes, RODRIGUEZ-
BLANCO et al., 2011) and due to their inherent instability, the ACC precursors are
difficult to characterize using ex situ techniques (e.g. TEM and FT-IR). Therefore,
the proposed sequence of polymorph formation has not yet been observed or

quantified in detail.

Abiotically synthesized ACC rapidly transforms to vaterite, calcite or
aragonite, with the polymorph formed dependant on a number of factors including
time, fluid composition and temperature (LAM et al., 2007; OGINO et al., 1987,

RODRIGUEZ-BLANCO et al., in press). In most cases, pure ACC will transform to
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calcite via a vaterite intermediate at low temperatures (<30°C, OGINO et al., 1987;
RODRIGUEZ-BLANCO et al., 2011) and via an aragonite intermediate at higher
temperatures (>60°C, OGINO et al., 1987). At low temperatures, the addition of
magnesium tends to favour the direct formation of calcite from ACC, without a
vaterite intermediate (RODRIGUEZ-BLANCO et al., in press). In contrast, sulfate has
been shown to increase the stability and persistence of vaterite significantly at low

temperatures (chapter 4, FERNANDEZ-DiAz et al., 2010).

The mechanisms and kinetics of the later stages of the crystallization pathways
are controlled by the dissolution of vaterite and precipitation of calcite, with the rate
controlled by the surface area of calcite (OGINO et al., 1990; RODRIGUEZ-BLANCO et
al., 2011). However, the mechanism of the ACC to vaterite transformation is still not
clear, with several possible mechanisms proposed. Many studies suggested that
ACC dissolves and vaterite spheres formed via homogeneous nucleation of
nanocrystalline vaterite particles, followed by fast aggregation to form pm sized
polycrystalline spheres (SHEN et al., 2006; STAVEK et al., 1992; VACASSY et al.,
2000). A solid state mechanism for the ACC to vaterite crystallization has also been
proposed, with the ACC particles dehydrating and recrystallizing to form vaterite
(PouceT et al.,, 2010). Finally, a study based on imaging of inorganically
precipitated vaterite suggested that vaterite forms via ACC dissolution coupled to
spherulitic growth (ANDREASSEN, 2005). Resolving the mechanisms and kinetics of
ACC crystallization in abiotic systems is key to developing a detailed understanding
of how calcium carbonate phases form in both natural and synthetic processes. In
particular, the mechanism of transformation between the individual phases forming
as the system moves towards thermodynamic equilibrium from disordered hydrated

ACC to fully crystalline calcite needs to be fully quantified.

In this study, | performed in situ small and wide angle X-ray scattering
(SAXS/WAXS) experiments with a temporal resolution of 1 second and studied the
direct transformation of ACC to vaterite in solution. Combined with off-line
characterization of the solid phases and solution composition, | show that the
crystallization of ACC to vaterite occurs in three distinct stages. ACC precipitates
immediately from a supersaturated solution, but transforms quickly to vaterite via
dehydration and rapid spherulitic growth of vaterite. This is followed by a second
intermediate stage, where vaterite continues to form via the dissolution of remnant

ACC, while finally the vaterite particles grow in a third stage only via surface-
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controlled Ostwald ripening. Once all vaterite has fully formed the transformation to

calcite via dissolution and re-precipitation takes place.

5.2 Methods

The crystallization of pure (without additive) ACC was performed both off-
line and on-line by rapidly mixing equal volumes of molar solutions of calcium
chloride (CaCl,-2H,0, >99% purity) and sodium carbonate (Na,CO3, >99% purity).
These ‘no additive’ experiments were complemented with sets of experiments
performed with either 10 mol% of the Na,COg3 replaced by Na,SO, (‘replacement’
experiments) or with 10 mol% Na,SO, added to the Na,CO; solution (‘additive’
experiments). During mixing and throughout the whole experimental time the
suspensions were vigorously stirred to ensure rapid and continual homogenization.
The composition, solution volumes and saturation indices with respect to vaterite
(SI = log({Ca**}{CO3™}/Ksp vaterice)) Of the starting solutions used for all

experiments are listed in Table 5.1.

Table 5.1 Summary of the experimental conditions for all experiments

CaCl, Na,COs/Na,SO, solutions  Solutions after mixing and prior to

solutions precipitation

Experiment Ca Volume CO; SO, Volume Ca CO; SO, Volume
(M) (ml) M (M) (ml) ™M M M (mh

no additive 1 100 1 - 100 05 05 - 200
replacement 1 100 0.9 0.1 100 05 045 0.05 200
addition 2.5 40 0.625 0.0625 160 05 05 0.05 200

During all off-line experiments, the pH was continuously recorded (5-10
second time steps) and aliquots of the suspensions and solutions were removed at
regular intervals and filtered using 0.2 um membrane filters. The solids were
immediately washed with isopropanol and dried (RODRIGUEZ-BLANCO et al., 2008).
The solution samples were analyzed by ion chromatography (IC) for Ca and SO,
(chapter 4) and together with the pH, the measured concentrations were used to
calculate the aqueous carbonate and the saturation index (SI) with respect to vaterite
over the whole length of the experiments using PHREEQC (PARKHURST and

APPELO, 1999). The solid powders were imaged with a Field Emission Gun
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Scanning Electron Microscope (LEO 1530 Gemini FEG-SEM) and the particle size
distributions of ACC and vaterite were determined by measuring the diameters of

~100 particles.

The on-line, in situ experiments were performed using the simultaneous
SAXS/WAXS data collection capability of beamline 122 at Diamond Light Source
Ltd (UK). Immediately after mixing the suspensions were continuously pumped via
a peristaltic pump through a capillary in line with the synchrotron beam.
Simultaneous 2D SAXS (collected with a RAPID detector, MARCHAL et al., 2009)
and 1D WAXS (collected with a HOTWAXS detector, BATEMAN et al., 2007)
patterns were collected at one second/frame resolution for the total reaction duration
of ~35min. SAXS patterns were only collected for the ‘no additive’ and
‘replacement’ experiments. Due to practical beamline operating procedures data

collection started ~ 1 minute after mixing.

All SAXS and WAXS patterns were detector response corrected and
background subtracted using a scattering pattern from the Na,CO3/Na,SO, solution.
Individual WAXS patterns were fitted using Topas 4-2 (BRUKER_AXS, 2009) to
obtain the Rietveld scale factor (S) for vaterite. The Rietveld scale factor relates the
structure of a crystalline phase to the area under the Bragg peaks to obtain the
amount of the respective phase in the sample (HiLL and HOWARD, 1987; RIETVELD,
1969). Normalizing the Rietveld scale factor from the WAXS patterns throughout

the experiments (S(t)) to the Rietveld scale factor at the end of the experiment (Stiani)

S(t)
Sfinal

BLANCO et al., 2011). Similarly, the background intensity (B(t)) from the WAXS

gives the degree of reaction for vaterite (a(t) = , Eq. 3.2) (RODRIGUEZ-

pattern normalized to the background intensity at t = 0 (Bp) and the end of the

experiment (Bfina) Was used to calculate the degree of reaction for the ACC

B(t)_Bfinal
Bo—Bfinai '

selected SAXS patterns were analyzed with GNOM (SVERGUN, 1992) to obtain

breakdown (a(t) = Eg. 3.5) (RODRIGUEZ-BLANCO et al., 2011). Finally,

information about the ACC particle size, while the change in vaterite crystallite size
was determined from the scattering peak position in the SAXS patterns (d = 27/q)
where d (nm) is particle diameter and q (hm™) is the scattering vector (DE MOOR et
al., 1999a; DE MOOR et al., 1999b).
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2.3 Results

In all experiments, upon mixing a white gel-like precipitate formed
instantaneously. At the start of data collection (~1 minute after mixing), no Bragg
peaks were observed in the WAXS patterns; only a broad hump from the scattering
of the ACC, the aqueous solution and air scatter was observed (Figure 5.1A). This
confirms the initial formation of solely ACC, which is consistent with previous
analyses on material synthesized using the exact same methodology (RODRIGUEZ-
BLANcO et al.,, 2011). With time, the background intensity decreased and
subsequently the growth of Bragg peaks was observed (Figure 5.1A). All Bragg
peaks could be assigned to vaterite and no other crystalline phases were observed
throughout the length of all experiments (max. 35 min). The time series SAXS
patterns (Figure 5.1B) showed that simultaneous with the appearance of the Bragg
peaks in the WAXS patterns (at ~1.5 min, Figure 5.1A), a peak in the SAXS
patterns appeared. Over time, this peak migrated to lower q, indicating particle
growth.

A 10°- B
8 ¥ 35 min
—_~~ 10 N i i
=] . — 25 min
& 10’ ¥ 15 min
> .
= 10 L —— 5min
b 1.5 min
L 4 -
£ 10 1 — 1.25min
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1 1
0.01 0.1
21
q(A)

Figure 5.1 (A) 3D representations of the time resolved WAXS patterns from the
‘no additive’ experiment (time is plotted on a base 2 log scale for clarity); (B)
stacked time series of selected SAXS patterns from the ‘no additive’
experiment, with the legend showing time in minutes and the arrows
illustrating the position of the peaks caused by the scattering from the growing
vaterite crystallites

The degree of reaction (a) for the crystallization of vaterite from pure ACC
was extracted from the WAXS patterns (Figure 5.2A) as described above.
Combining oacc and dyaerite With the pH evolution from an equivalent off-line

experiment revealed that the transformation occurred in three distinct stages (Figure
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5.2A). The first stage was characterized by a rapid decrease in aacc up to ~80
seconds, with a concomitant rapid increase in oaterite PEtWeen ~70 and ~90 seconds
(Figure 5.2A). At the end of this first stage oyaterite and oacc Were ~0.8 and ~0.2
respectively (Figure 5.2A). During the second stage of the reaction, aacc decreased
to zero after ~4-6 minutes and vaterite continued to form but at a slower rate
reaching a plateau after ~6 minutes. Finally, during the third stage, the oyaterite
remained constant indicating that the crystallization from ACC was complete. The
corresponding pH profile revealed a fast decrease from ~9.6 t0~8.3 during the first
two stages of the reaction (Figure 5.2A) and stable value during stage three. Data for
the crystallization of vaterite in the presence of sulfate (Figure 5.2B and 5.2E,
‘additive’ and ‘replacement’) followed an equivalent 3-stage reaction, with the

initial formation of vaterite significantly delayed in the ‘additive’ experiment.



-94 -

time (min) time (min)
1 2 4 8 16 32 12 4 8 16 32
12 'l 1 L 1 L 1 100 1 1 1 1 L 1 70
A i " ] .i. c
01y &%ﬁﬁ!ﬁ e, Lt 60
084 ¥ éﬁiﬁ% >
el ¥ v ACC [ o0 o F50 =~
*1va = Vaterite o £
o« 044 pH PH | p e - 40
, }'* S 1L o] 2
- A
0.2 4 ¥ Ay ack F30 £
¥ u A
r - 8.0 W AR S
0.0 W‘W"v'ﬂm"‘vvv’ *‘vj'w‘ N T L 20 °
1 2 v 3 v v v £
02 75 s
s £ L 10
"l 11 2 |3
i ; i Th e i T, S 1 ! ! ' ! ! O
1.0 1 n= L 41 1 2 3 4 5 6
S CE ¢ 3
[ ALt time'?(min’”
0.8 ?1 : ‘;f - }H# (min")
ﬁf ¥ # D 42 vaterite
« 0.6 bi 7 10 € = No additive
o] ¥ F if * No additive . € 4 Replacement
¥ 4}1 i"f 4 Replacement eit & [ & Acc
0.2 1 ¥ P +/ e Additive Wil Las E = IF\io a:dditive
; = e 8 o Replacement
00 sl A “%“I“? . . : ——t3 P
075 100 125 150 175 200 225 250 50 60 70 80 90
time (min) time (s)
1.2
E
1.0
0.8 - p
06
o :
044 # : no additive
[ 4 A replacement
0.2 4 g }A + additive
00 T T T T T T
1 2 4 8 16 32
time (min)

Figure 5.2 (A) avaterite and aacc VS. time (base 2 log scale) plot including a pH vs.
time profile for the ACC to vaterite transformation for the ‘no additive’
experiment; (B) oaerite VS. time plots for the 1% stage of the crystallization of
vaterite for all experiments with the best fit lines (see below) in green; (C)
ACC nanoparticle and vaterite crystallite sizes derived from the SAXS data vs.
time (on a time” scale) for the ‘no additive’ and ‘replacement’ experiments;
(D) detail of (C), showing ACC nanoparticle size vs. time (E) comparison of
avaterite VS. time (base 2 log scale) of all three stages of all experiments; vertical
lines and numbers in the figures (A) (C) and (E) represent the three different
reaction stages

The particle diameters for vaterite and ACC, evaluated from the SAXS data
are plotted in Figure 5.2C and 5.2D. The results reveal that in the early part of stage
one (<70 seconds), when vaterite was not yet present, ACC particles with diameters
of ~35-40 nm formed in both the ‘no additive’ and the ‘replacement’ experiment
(Figure 5.2D). These values are comparable with the particle sizes evaluated from
the FEG-SEM images (42+14 nm; Figure 5.3A). Although there is a slight increase
in ACC particle size with time, the majority of ACC formed prior to the start of the
SAXS/WAXS data collection (<60 seconds). The first vaterite particles that formed
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during stage one (~70 seconds) had initial diameters of ~9 nm (Figure 5.2C) in both
experiments (‘no additive’ and ‘replacement’). During stage two (90 seconds to 6
minutes), the vaterite particle size increased rapidly to ~35 nm in the ’no additive’
system and to ~20 nm in the ’replacement’ system (Figure 5.2C). Finally, during
stage three, although the avawerite remained constant (Fig 2A), the particle size
continued to increase reaching a final diameter of ~60 nm in the ‘no additive’
system and ~40 nm in ‘replacement’ system (Figure 5.2C). FEG-SEM observation
of solids collected during stage two (at 2 minutes) showed the vaterite as large
(1.3£0.4 pm) polycrystalline spheres consisting of much smaller individual vaterite
crystallites of ~34+7nm in size (Figure 5.3B), yet some remnant ACC was still
present in the samples as observed in Figure 5.3B. Finally, images of the sample
from the end of stage three (at 35 minutes) showed similar large polycrystalline
spheres, but consisting of crystallites of 58+16 nm (Figure 5.3C) without any
remnant ACC. Comparing the vaterite particles sizes from the SAXS and SEM
analyses indicates that the vaterite peaks in the SAXS patterns recorded the size of
the individual crystallites rather than the um sized polycrystalline spheres. Hence,
additional analyses of the SAXS patterns in terms of the time evolution of the Porod
slope (p) (BALE and SCHMIDT, 1984; TEIXEIRA, 1988) showed a decrease in p during
stage one from ~3.4 to ~2.5, and a gradual increase during stage three to ~2.9
(Figure 5.4).

Figure 5.3 FEG-SEM images of solids quenched throughout the ‘no additive’
experiment; (A) 1 minute (B) 2 minutes (C) 35 minutes; the scale bar is 1 ym
in the main images; the insets are enlargements of the dominant phase ((A)
ACC and (B) and (C) vaterite) in the respective main image and the scale bar
in the insets is 100 nm.
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Figure 5.4 The slope of the Porod region (I(q) o q~P) calculated from the SAXS
patterns for the ‘no additive’ and ‘replacement’ experiments as a function of
time (on a base 2 log scale)

The aqueous calcium concentrations measured immediately after mixing
showed that ~80-95% of the initial calcium (500 mM, Table S1) was removed from
solution during the precipitation of ACC (<60 seconds; Figure 5.5A). During stage
two, the calcium concentrations reached a constant value, which was maintained for
the whole duration of the experiments (Figure 5.5A). Comparing the three different
experiments shows that the calcium concentrations were significantly higher
throughout the ‘replacement’ experiment (~75 — 50 mM) compared to the ‘no
additive’ and ‘additive’ experiments (~30 — 10 mM). This was due to an excess in
calcium relative to carbonate in the starting solutions (Table S1). The evolution of
the sulfate concentrations was similar in both the ‘additive’ and ‘replacement’
experiments (Figure 5.5B). In stage one, the sulfate concentrations decreased by 20-
30% compared to the initial values (50 mM, Table S1), yet it also reached relatively

constant values through stages two and three.
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Figure 5.5 Evolution of the solution composition with time (base 2 log scale); (A)
calcium and (B) sulfate; the black vertical lines and numbers in both figures
indicate the different reaction stages and the errors bars represent the standard
deviation of three measurements

5.4 Discussion

5.4.1 Stage one: ACC formation and vaterite spherulitic growth

Immediately upon mixing of the initial solutions ACC precipitated with
particles sizes (35-40 nm; Figure 5.2D) consistent with a previous study where ACC
was synthesized using the same synthesis protocol (20-45 nm, RODRIGUEZ-BLANCO
et al., 2011). This is in contrast to other studies that have reported ACC with larger
particle diameters e.g.: 90-110 nm (Liu et al., 2010), ~270 nm (BoLzE et al., 2002)
and ~125 nm (RODRIGUEZ-BLANCO et al., 2008). However, in these previous studies
ACC was precipitated from solutions of significantly lower supersaturation (SI =
1.7-2.3; [Ca] and [CO3] = 3.5-10 mM after mixing) compared to the initial
supersaturation in this study (SI =4.2, Table S1). As the number of nuclei increases
with supersaturation (LAAKSONEN et al., 1995) and the amount of reactant in the
system is finite, the final particles size of ACC will decrease with increasing
supersaturation (BoLZzE et al., 2004).

The rapid decrease in WAXS background intensity before the formation of
vaterite (<70 seconds, Figure 5.1A) in conjunction with a decrease in the
concentration of dissolved calcium suggests that the structure and/or composition of
the ACC phase on my experiments changes during this 1% stage of the reaction.
Recent thermodynamic (RADHA et al., 2010) and spectroscopic studies (KILLIAN et
al., 2009; PoLITI et al., 2008) of the crystallization of ACC in abiotic and biotic

systems have shown that freshly precipitated, hydrated ACC transforms to a more
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stable (lower enthalpy) dehydrated ACC prior to crystallization. This more
thermodynamically stable form of ACC is also somewhat more structurally ordered
compared to the less stable and more hydrated initial ACC phase (RADHA et al.,
2010). The observed decrease in WAXS background intensity in the current study is
also indicative of an increase in local order and dehydration of the initial ACC
(RODRIGUEZ-BLANCO et al., 2011). | suggest that the dehydration process was driven
by the lower enthalpy of the dehydrated ACC (RADHA et al., 2010). The formation
of additional (more ordered and less hydrated) ACC prior to vaterite formation
would lead to a continuous decrease in the carbonate concentration which lead to the
observed decrease in pH during stage one (Figure 5.2A). Therefore the first step in
the transformation of ACC to vaterite was the dehydration and ordering of ACC
which occurred before significant crystallization of vaterite was observed
(NAVROTSKY, 2004; RADHA et al., 2010). Finally, Figure 5.2D indicates that the
ACC slightly increased in size prior to its crystallization. Although the recorded size
increase was small (Figure 5.2D) this could have been caused by additional
precipitation of less hydrated ACC. This increase in the size of ACC could decrease
the stability of ACC and trigger its subsequent crystallization (RAITERI and GALE,
2010).

The transformation of ACC to vaterite as observed here must allow for a very
rapid crystallization rate. In the pure system it only took ~20-30 seconds to reach
avarerite ~0.8 at the end of stage one (Figure 5.2A). Based primarily on electron
microscopic observations, three possible mechanisms for the ACC to vaterite

crystallization have so far been proposed:

(1) homogeneous vaterite nucleation followed by fast aggregation (SHEN
et al., 2006; STAVEK et al., 1992; VACASSY et al., 2000)
(i) solid state transformation to vaterite (POUGET et al., 2010)

(iii) fast spherulitic growth of vaterite polycrystalline spheres
(ANDREASSEN, 2005)

The solid state transformation was mainly observed in the presence of an
organic template and of dissolved ammonium (PouceT et al.,, 2009), which
stabilized the (001) planes of vaterite and leads to large hexagonal plate-like vaterite
particles, unlike the polycrystalline spheres in this study. Therefore, this solid state

mechanism is not directly comparable to results in the current study. In contrast,
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spherulitic growth has been shown to occur via growth front nucleation (GFN)
(GRANASY et al., 2005), where new particles grow via the continuous nucleation of
misaligned equivalent structural units (crystallites) on the surface of a growing
spherulite (KEITH and PADDEN, 1963). Such a growth mechanism tends to result in
polycrystalline spheres consisting of crystallites of approximately equal sizes. This
is consistent with the vaterite morphology observed in the FEG-SEM images (Figure
5.3B), with um sized spheres consisting of nm sized crystallites (Figure 5.2C).
Additionally, the diameter of the vaterite crystallites that formed at the end of stage
one (~9 nm) was similar to the ~10 nm @ for the crystallites in spherulitically grown

vaterite as reported by ANDREASSEN (2005).

In order for continuous nucleation to be the dominant growth process,
spherulitic growth can only occur when the solution is continuously highly
supersaturated with respect to the crystallizing phase. ANDREASSEN (2005)
suggested that the spontaneous nucleation of vaterite, and therefore spherulitic
growth will always occur in the presence of ACC. Nucleation of vaterite in the
presence of ACC forces the highly soluble ACC (Kgacc = 10°%) (BRECEVIC and
NIELSEN, 1989) to dissolve and maintain a high supersaturation (SI = 1.4) with
respect to vaterite. The saturation index of the solution with respect to vaterite is
high during stage one (SI >1.4; Figure 5.6 and Appendix B) but reduces to less than
1.4 at the end of this stage. This clearly supports a spherulitic growth mechanism for
vaterite during stage one. GRANASY et al. (2005) used theoretical calculations to
determine that during spherulitic growth the extent of crystallization follows a
Johnson-Mehl-Avarami-Kolmogorov (JMAK) (AvrRaMI, 1939; AVRAMI, 1940;
AVRAMI, 1941; JOHNSON and MEHL, 1939) kinetic model of the form:

a(t) =exp[l —k(t —ty)"]

(Eq. 5.1)

where k is the kinetic constant (min™), t is the time (min), to is the induction time
(min) and n is the Avrami exponent. The Avrami exponent can be expressed as:
n =1+ d (GRANASY et al., 2005), where d is the dimensionality during spherulitic
growth. The images in Figure 5.3, show that the vaterite spherulites have grown in

three dimensions, therefore an Avrami exponent of 4 would be expected (Figure
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5.2B and Table 5.2). This model fits very well to the growth of vaterite during stage
one (R?>0.98, Table 5.2), which further strengthens my hypothesis that vaterite

formed via a spherulitic growth mechanism.
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Figure 5.6 The evolution of the saturation indices vs. time (base 2 log scale) for the
“no additive” system (based on PHREEQC calculations, further summarized in
Appendix B); the vertical lines separate the three stages of the transformation
reaction; not plotted is the Sl for the initial solution (prior to ACC
precipitation), which was ~4.2 (Table S1), calculated based on
Kspvaterite = 107"* (PLUMMER and BUSENBERG, 1982), the horizontal line
represents the relative supersaturation (o) of 5

(0 = \/ {Ca?*}{COZ7}/Ksp vaterite ) (ANDREASSEN, 2005)

Table 5.2 The kinetic constant (k) and the induction time (to) derived from the o
data for vaterite to the JMAK model using an Avrami exponent (n) of 4 (Eq.

5.1)

Experiment Variable Value Error
no additive k (min™) 48.7 8.8
Adj. R* =0.9888 to (min) 0.93 0.02
replacement k (min™) 11.7 2.5
Adj. R*=0.9828 to (min) 0.98 0.03
additive k (min™) 9.2 2.3
Adj. R*=0.9727 to (min) 1.37 0.03

The value of the slope (p) of the Porod region (high g values, Figure 5.4) can
give information on the fractal dimensions of the scattering particles (BENNING and
WAYCHUNAS, 2007; SCcHMIDT, 1991; ToBLER et al., 2009). If: 1 < p < 3, the
scattering particles are mass fractals with a mass fractal dimension (TEIXEIRA,
1988):
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Dyp=p
(Eq. 5.2)

If: 3 < p <4, the scattering particles have fractal surfaces with a surface fractal
dimension of (BALE and SCHMIDT, 1984):

Ds=6-p

(Eq. 5.3)

The Porod slope from the SAXS plots (p) is ~3.4 after 1 minute (Figure 5.4),
corresponding to particles with a rough surface (BALE and SCHMIDT, 1984; BENNING
and WAYCHUNAS, 2007). Conversely, after 2 minutes, p decreased to ~2.5 (Figure
5.4), which corresponds to fractal particles (i.e. porous and/or polycrystalline)
(PipicH et al., 2008). This change in p corresponds with the transformation from
ACC particles (@ ~35 nm, Figure 5.2D) with rough surfaces (Ds = 2.6, Eq. 5.3) to
the polycrystalline fractal vaterite particles (i.e. um sized polycrystalline spheres

consistent of ~9 nm crystallites, Dy, = 2.5, Eq. 5.2, Figure 5.3B).

5.4.1.1 The effect of sulfate on vaterite spherulitic growth

A significant decrease in the rate constant in both sulfate systems compared to
the ‘no additive’ system was calculated using the JMAK model (‘no additive’:
48.7+8.8 min™, ‘replacement’: 11.7+2.5 min™ ‘additive’: 9.2+2.3 min™®; Table 5.2).
This could either be caused by sulfate (PLUMMER et al., 1979; PLUMMER et al.,
1978) decreasing vaterite nucleation by surface interactions or by a decrease in the
reaction enthalpy of the ACC crystallization to vaterite. Recent studies showed that
sulfate stabilizes vaterite (chapter 4, FERNANDEZ-DiAz et al., 2010) and that it has no
significant influence on the stability of ACC (AIzENBERG et al., 2001), thus
increasing the reaction enthalpy for the ACC-vaterite transformation. This suggests
that the observed decrease in rate constant (Table 5.2) was not a result of
thermodynamic changes caused by the presence of sulfate. It is more likely that this

decrease was due to adsorption of sulfate, which poisoned nucleation sites on the



-102 -

growing vaterite spherulites and thus decreased the rate of the GFN of vaterite. A
similar effect has been observed during calcite growth, with sulfate poisoning calcite

growth sites (VAVOURAKI et al., 2008).

In my experiments vaterite spherulitic growth was only delayed in the
‘additive’ system (Figure 5.2B and 5.2E), which was likely caused by a similar
poisoning effect as described above. However, vaterite spherulitic growth in the
‘replacement’ system was not significantly delayed by the presence of sulfate (Table
5.2). This indicates that the differences in induction time cannot be explained solely
by the presence of sulfate. The calcium (Figure 5.5A) and calculated total inorganic
carbon and bicarbonate concentrations (Appendix B) were larger in the
‘replacement’ compared to the ‘additive’ system during stage one. In addition, there
IS no significant difference in the Sl between the ‘replacement’ and ‘additive’
systems (Appendix B). | infer therefore, that bicarbonate had a destabilizing effect
on ACC, as previously suggested by NEBEL at al.(2008). A second reason for the
differences in induction time (Table 5.2) is the consumption of bicarbonate rather
than carbonate during vaterite nucleation, as previously also observed for calcite
growth (PLUMMER et al., 1979; PLUMMER et al., 1978). These lines of evidence all
indicate that the induction time for vaterite spherulitic growth is affected both by the

amount of bicarbonate and by the presence of sulfate.

5.4.2 Stages two and three: vaterite growth and ripening

The vaterite crystallized during stage two (~20% of total, Figure 5.2A) formed
under conditions closer to equilibrium than during stage one (Figure 5.6). During
this stage virtually no increase in the large vaterite spherulite size was observed
(Figure 5.3B and 5.3C), thus excluding further spherulitic growth of vaterite.
Furthermore, the calcium concentration in solution (Figure 5.5A) decreased only
slightly, indicating that little additional calcium carbonate precipitated from
solution. At the end of stage one, the aacc Of ~0.2 (Figure 5.2A) and the remnant
ACC next to the vaterite spherulites (Figure 5.3B) suggest that the final 20% of
vaterite formed predominantly via dissolution of the remaining ACC and
reprecipitation on the pre-existing vaterite crystallites which nucleated during stage
one. The lowered vaterite Sl during stage two (< 1.2; Figure 5.6 and Appendix B)

also suggests that the solubility of the remaining ACC was significantly reduced. |
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argue that this was caused by the ordering/dehydration of ACC, which would lower
the ACC crystallization enthalpy (RADHA et al., 2010). The decrease in p during
stage two (up to ~4 minutes, Figure 5.4) can be attributed to the transformation of
the remnant rough ACC particles in suspension to vaterite up to ~4 minutes (Figure
5.2A and 5.3B).

In stage two, the crystallite size of the vaterite particles making up the large
spherulites also increased from ~9 nm to ~37 nm (Figure 5.2C). When assuming that
this increase was only caused by 3D growth via ACC dissolution (retaining the same
amount of vaterite crystallites), this would indicate a 70 times increase in total mass
of vaterite. However, because the WAXS analyses showed that only ~20% of the
total vaterite formed during stage two, | conclude that an alternative mechanism
must be responsible for the majority of the increase in vaterite crystallite size. |
suggest that this process is Ostwald ripening (LIFSHITZ and SLyozov, 1961;

WAGNER, 1961). Ostwald ripening can either occur by a diffusion or surface
controlled mechanism. When Ostwald ripening is diffusion controlled: r(t) « t'/3

and when Ostwald ripening is surface/reaction controlled: r(t) o t'/2 (LIFsHITZ and
SLYozov, 1961; WAGNER, 1961). As the solutions were stirred continuously during
the experiments (i.e., the suspensions were kept homogeneous), diffusion can be
eliminated, and the Ostwald ripening process was likely to be surface controlled.
This was also confirmed by the linearity of the plot of d versus t* (Figure 5.2C).

Finally, the vaterite crystallite growth in stage three was purely controlled by
Ostwald ripening as no additional vaterite formed after stage two. Again, the
linearity of the plot of d versus t* (Figure 5.2C) suggests a continued surface
controlled ripening reaction. During stage three, the Porod slope (p) also increased
from 2.5 to 2.9 (Figure 5.4). This was caused by a decrease in fractal appearance of
the vaterite spherulites (PiPicH et al., 2008) due to Ostwald ripening, as the

spherulites loose porosity due to the increasing crystallite size.

5.4.2.1 The effect of sulfate on vaterite growth and ripening

The final size of the vaterite crystallites was ~40% smaller in the
‘replacement’ compared to the ’no additive’ system (Figure 5.2C). An increase in

particle size caused by Ostwald ripening is proportional to the surface free energy



-104 -

and the bulk solubility (LIFsHITZ and SLyozov, 1961; WAGNER, 1961).
Furthermore, the surface free energy changes by the adsorption of dissolved ions
(BuTT, 1996). Such a decrease in the surface free energy for vaterite was observed
in the presence of silica (LAKSHTANOV and STiIpp, 2010) and | assert that sulfate may
have a similar effect on the surface free energy of the vaterite crystallites.
Additionally, the stability of vaterite increased due to incorporation of sulfate
(chapter 4, FERNANDEZ-DIAZ et al., 2010) and hence its solubility decreased in the
presence of sulfate. These changes in surface free energy and solubility could have
ultimately decreased the rate of Ostwald ripening. However, a decrease in the rate of

Ostwald ripening by surface poisoning effects cannot be excluded.

During stage three in the ‘replacement’ system, p remained at ~2.5 (BALE and
ScHMIDT, 1984). This indicates that the fractal appearance of the vaterite spherulites
did not change significantly during stage three (Eq. 5.3). The p and crystallite size in
the ‘replacement’ system at the end of the experiment, correspond to the p and
crystallite size at ~4 minutes in the ‘no additive’ system (Figure 5.2C and 5.4). This
indicates that the decrease in Ostwald ripening caused by the presence of SO4 was

also recorded in the Porod slope.

5.5 Summary and conclusions

Combining the mechanisms presented above with previous results on the
transformation of vaterite to calcite (OGINO et al., 1990; RODRIGUEZ-BLANCO et al.,
2011) allowed us to elucidate the full abiotic transformation pathway from ACC via
vaterite to calcite (Figure 5.7). In a first stage disordered hydrated ACC forms from
a highly supersaturated solution. The local order within the ACC then increases
concurrent to dehydration. This transition occurs due to the lower enthalpy of the
more ordered less hydrated phase (RADHA et al., 2010). The large difference in
solubility between ACC and vaterite in stage one keeps the supersaturation at a
sufficient high level to allow continuous vaterite nucleation and spherulitic growth
(ANDREASSEN, 2005). Once initiated, spherulitic growth is maintained as long as
highly soluble ACC is present in the system. The ordering and increase in
thermodynamic stability (lower enthalpy) of the ACC is also reinforced by an

observed transition from spherulitic vaterite growth to surface particle growth in
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stage two in the continued but decreasing presence of ACC. Once all the ACC has
been consumed, the vaterite crystallite size continues to increase via Ostwald
ripening (stage two and three). Because Ostwald ripening is a dissolution
reprecipitation mechanism (LIFSHITZ and SLyozov, 1961; WAGNER, 1961), the
further ripening of the vaterite is easily displaced by a dissolution-reprecipitation
transformation mechanism leading to the final calcite (OcINO et al., 1990;
RODRIGUEZ-BLANCO et al., 2011). This multi-step reaction pathway further validates
the relative stability scheme for the various amorphous and crystalline calcium

carbonate phases as described by RADHA et al. (2010).
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Figure 5.7 Schematic representation of the proposed multi stage ACC - Vaterite
-> Calcite crystallization pathway (top) with the underlying combined reaction
progress, aacc, Ovaterite and ocaicite FOr the full crystallization reaction in the ‘no
additive’ system (the green triangles and full black squares represent the ACC
and vaterite from this study and the open squares and red triangles represent
the vaterite and calcite from RODRIGUEZ-BLANCO et al. (2011)) , stages 1, 2
and 3 of the reaction mechanism are labeled on the figure

The reaction pathway described above provides a comprehensive and
complementary set of quantitative data about the abiotic mechanism of pure ACC

crystallization. This multi-stage reaction process may represent the pathway of pure
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ACC biomineralization, as seen in the observation of KiLLIAN et al. (2009) who
showed that calcitic sea urchin spicules form by secondary calcite nucleation within
the ACC. This matches the secondary (vaterite) and tertiary (calcite) nucleation and
growth processes observed in the abiotic reaction sequence. It should be noted that
this study detailed the transformation in solution, either with or without the presence
of sulfate. However, most biogenic calcium carbonates contain magnesium (5-10%)
which leads to the direct formation of calcite form the ACC (LAM et al., 2007;
RODRIGUEZ-BLANCO et al., in press). Additionally, sulfate has no large mechanistic
influence on the ACC crystallization to vaterite, however sulfate has the capability
to stabilize vaterite (chapter 4, FERNANDEZ-DiAz et al., 2010). This could help
explain the existence of vaterite biomineralizing organisms (LOWENSTAM, 1981;
LOWENSTAM and ABBOTT, 1975; ToMAs and GEFFEN, 2003). In contrast to the
transformation process described here, many biomineralization processes occur
entirely within a biological membrane enclosed with little or no free water (WEINER
and Dove, 2003). This could significantly alter the transformation mechanism
(MeLbruM and COLFEN, 2008). Finally, the results presented in this study
demonstrate how fast time-resolved SAXS/WAXS data can be obtained and
evaluated to gain an unprecedented detail into fast crystallization reactions when

combined with additional off-line solid and solution characterization.
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Chapter 6
Using WAXS to study intricate crystallization pathways — gypsum

and vaterite crystallization via rapidcreekite

6.1 Introduction

Calcium carbonate and sulfate mineral phases like calcite (CaCO3) and
gypsum (CaSQ,4:2H,0) are common in modern and ancient environments, for
example, in coral reefs and massive evaporite deposits (MORSE and MACKENZIE,
1990; WARREN, 2010). They also form as unwanted by-products (scale) during
many industrial processes like during desalination of seawater to produce drinking

water (DyDO et al., 2003; MOGHADASI et al., 2004; UCHYMIAK et al., 2008).

Natural calcium carbonate phases occur as three anhydrous CaCO3; minerals:
calcite, aragonite and vaterite (MORSE and MACKENZzIE, 1990). From these phases,
calcite is the stable polymorph, whereas aragonite and vaterite are metastable
(PLUMMER and BUSENBERG, 1982). In nature, vaterite is the least common of the
three anhydrous calcium carbonate minerals. However, vaterite has been observed in
nature, for example, as a secondary product from ikaite (CaCOj3-6H,0)
decomposition (ITo et al., 1999) and at low temperatures in the presence of gypsum
(GRrRASBY, 2003). Experimentally, vaterite has been identified as a product from the
interaction of alkaline solutions with gypsum (FERNANDEz-Diaz et al., 2009a;
FLORKE and FLORKE, 1961; RONCAL-HERRERO et al., 2011) and as a calcium
carbonate crystallization product in the presence of sulfate (chapter 4). The
persistence of vaterite in these systems/environments is likely to be caused by the
stabilizing effect of sulfate on vaterite (FERNANDEz-DIAz et al., 2010, see also
chapter 4 and 7).

The abiotic formation of gypsum in nature occurs predominantly in evaporitic
environments like the dead sea (REzNIK et al.,, 2011). Many large gypsum

formations have been found in the geological record (WARREN, 2010). Among the
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many evaporite minerals found in nature, rapidcreekite is a hydrated calcium sulfate-
calcium carbonate solid solution (Ca,SO4C0O3:4H,0). However, due to its rarity in
nature, very little is known about this phase. Rapidcreekite has only been found in
nature at two localities and always in association with gypsum and other carbonate
minerals (ROBERTS et al., 1986; WALENTA and DUNN, 1989). Rapidcreekite is
thought to be a secondary mineral and formed in an iron rich environment (Rapid
Creek area, northern Yukon Territory, Canada, ROBERTS et al., 1986). However, no
iron phases were identified in the second locality (a silver and uranium mine in the
Black Forest, Germany) where rapidcreekite was found (WALENTA and DUNN,
1989). Finally, rapidcreekite was only found in one experimental desalination study
at a low aqueous carbonate to sulfate ratio (DyDo et al., 2003) and nothing is known
about its thermodynamic stability.

The structure of gypsum can be represented by hydrated sheets of alternate
double chains of Ca and SOy; these double planes are held together with H-bridges
(DE VILLIERS, 1971; SCHOFIELD et al., 1996). The structure of rapidcreekite as
determined from a natural sample is similar to the structure of gypsum (CooPER and
HAWTHORNE, 1996). In relation to the structure of gypsum, in rapidcreekite alternate

double chains of SO, are replaced by CO3 ions (CoorPerR and HAWTHORNE, 1996).

Nucleation and formation pathways of CaSO, phases are poorly understood
(FREYER and VOIGT, 2003; VAN DRIESSCHE et al., in review). Additionally, only
little information is available on the effects of SO, on the formation of vaterite
(chapter 4 and 5, FERNANDEZ-DIAZ et al., 2010). This chapter reports further on the
effect of SO, on vaterite formation in combination with the formation of CaSO4
phases. This was done by performing in situ time resolved crystallization
experiments using the wide angle X-ray scattering (WAXS) capability of beamline
122 (SAXS/WAXS) at Diamond Light Source in order to quantify the formation of

vaterite and gypsum via a rapidcreekite intermediate.

6.2 Methods

Crystallization experiments following the method described by RODRIGUEZ-
BLANCO et al (2010) and in chapter 5 were used. In brief, 40 ml of a 2.5 M calcium

chloride solutions (CaCl,-2H,0, analytical grade) was rapidly injected into 160 ml
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of a 0.625 M sodium carbonate/sulfate (Na,COs, analytical grade /Na,SO,,
analytical grade). To inject the calcium chloride solution in the sodium
carbonate/sulfate solution, a stopped flow device was used. The crystallization

experiments were performed in three different chemical conditions:

(1) ‘replacement’: 30% of CO3 was replaced by SO, (the amount of calcium was
equal to the amount of carbonate and sulfate);

(2) ‘additive': 30% SO, was added to the COs solution (that the amount of calcium
was equal to the amount of carbonate) and

(3) ‘additive-Mg’: identical to (2) including 10% Mg (as MgCl,-2H,0) added to
the Ca solution.
The chemical conditions used are described in more detail in Table 6.1.

Throughout the experiments (up to ~80 min), the formed suspensions were stirred

vigorously by an overhead stirrer to ensure homogeneous conditions. During the

‘replacement’ experiment the pH was recorded.

Table 6.1 Summary of the experimental conditions for all experiments

Exp. Ca solution CO3/S0O, solution
Ca(M) Mg(M) V CO3; (M) SO,(M) V(ml)
(ml)
Replacement 2.5 - 40 0.4375 0.1875 160
Additive 2.5 - 40 0.625 0.1875 160
Additive-Mg 2.5 0.25 40 0.625 0.1875 160
Exp. Mixed solution
Ca(M) Mg(M) COz; SO4(M) V(ml
(M)
Replacement 0.5 - 035 0.15 200
Additive 0.5 - 0.5 0.15 200
Additive-Mg 0.5 0.05 0.5 0.15 200

The experiments were performed at the small/wide angle X-ray scattering
(SAXS/WAXS) beamline 122 at Diamond Light Source. Immediately after mixing,
the suspensions were continuously pumped through a capillary in line with the
synchrotron beam using a peristaltic pump. WAXS patterns were collected at one
second / frame resolution with a HOTWAXS detector (BATEMAN et al., 2007), for a
total duration up to ~80 min. The collected patterns were detector response corrected

and background subtracted. Individual WAXS patterns were fitted using Topas 4-2
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(BRUKER_AXS, 2009) to obtain the Rietveld scale factor (S) of the Bragg peaks for
each phase detected in the patterns. S relates the structural model with the intensity
under the Bragg peaks to obtain the relative mass (w) of the respective phase in the
sample (HiLL AND HOWARD, 1987; RIETVELD, 1969). Subsequently, the degree of
reaction (a(t)) was calculated for all crystalline phases (present at the end of the
experiment (p) and as an intermediate(i)) using Eq. 6.1 and 6.2 (see also section
3.3.2):

5,(0)

ap (t) B Sp (tfinal)

* Wp (trinal)

(Eq. 6.1)

Si(t) . Wi(ti,max) a (t- )
i,max

a;(t) = .
l Si(ti,max) Wp (ti,max) P

(Eq. 6.2)

where tina represents the time at which the data collection was terminated and the
crystalline phases p were present. Additionally, t; max represents the time at which the
Rietveld scale factor (S) corresponding to a crystalline intermediate phase (i)
reached a maximum. Finally, ap(t) is recalculated using each phase’s molar weight
(My,p) to the mole % of crystalline phases in the system compared to the final

amount of moles using Eq. 6.3.

ap(t)/ My,
Y(a(t)/My)

(Eq. 6.3)

mole %, (t) = 100% -

6.3 Results and discussion

In all experiments after mixing, the solutions were highly supersaturated with

respect to all known calcium carbonate and sulfate phases. Additionally,
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immediately after mixing a white suspension formed in all experiments. Figure 6.1A
shows a 3D representation of the WAXS results from the ‘replacement’ experiment.
The absence of any Bragg peaks shows that no crystalline phase was present during
the first 4 minutes. Due to the absence of Bragg peaks and the presence of a white
suspension, the broad hump in the background of the WAXS patterns during the first
4 minutes (Figure 6.1) is likely to be caused by scattering from amorphous calcium
carbonate (ACC), water and air (chapter 5, RODRIGUEZ-BLANCO et al., 2011). To
date, no amorphous calcium sulfate phase has been identified, but scattering caused
by a small amount of nanocrystalline calcium sulfate (VAN DRIESSCHE et al., in

review) cannot be excluded.

In the ‘replacement’ experiment, Bragg peaks appeared after ~4 minutes and
grew while the background intensity in the WAXS patterns decreased (Figure 6.1).
Four averaged WAXS patterns (Figure 6.1B) show that the first phases growing
from the amorphous precursor were vaterite and rapidcreekite, while at the end of
the experiment gypsum and vaterite were the only crystalline phases present. In
comparison, during the ‘additive’ and ‘additive-Mg’ experiments, the first phase
growing from the amorphous precursor was gypsum followed by rapidcreekite and
vaterite (and calcite in the ‘additive-Mg’ experiment). Also at the end of these
experiments, the only crystalline phases present were gypsum and vaterite (and
calcite in the ‘additive-Mg’ experiment). To the best of our knowledge, this is the
first time that rapidcreekite is observed as an intermediate in gypsum and vaterite

formation.
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Figure 6.1 (A) 3D plot of the time resolved WAXS patterns with time on a base 2
log scale and (B) averaged WAXS patterns over 4 time intervals from the
‘replacement’ experiment; the position of the main peaks for gypsum,
rapidcreekite and vaterite are labelled with G, Rc and V, respectively

6.3.1 ‘Replacement’ experiment

Figure 6.2A shows the a(?) extracted from the WAXS patterns collected during
the ‘replacement’ experiment using Eg. 6.1 and 6.2 (Figure 6.1). During the
‘replacement’ experiment after the formation of ACC, «a(z) for vaterite started to
increase at ~ 3.5 min and for rapidcreekite at ~4 min. After the initial increase in a(z)
for vaterite and rapidcreekite, the a(z) for gypsum started to increase at ~6 min and
further increased throughout the experimental time. After ~15 min, the a(z) for
rapidcreekite and decreased up to ~40 min, simultaneously «(t) for vaterite
increased. Additionally, Figure 6.3 shows the recorded pH during the ‘replacement’
experiment and a comparison to the a(z) for gypsum. Prior to an increase in a(t) for
gypsum formation the pH decreased from ~9.1 to ~7.7. Subsequently, during the
initial increase in a(t) for gypsum, the pH increased from ~7.7 to ~7.9 while the a(z)

for rapidcreekite and vaterite remained constant(Figure 6.2A).
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Figure 6.2 a(t) plots for vaterite, gypsum and rapidcreekite from the ‘replacement’
experiment (A) «(t) calculated using Eg. 6.1 and 6.2; (B) and (C): «(?)
recalculated to the mole % of crystalline phases in the system using Eq. 6.3,
including the sum of mole % of (B) gypsum and rapidcreekite and (C) vaterite
and rapidcreekite
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Figure 6.3 The pH and «(z) for gypsum (Figure 6.2A) during the ‘replacement’
experiment

Previous research indicated that SO, does not significantly replace COj3 in the
structure of ACC (chapter 5, Figure 5.5, AIZENBERG et al., 2001). This indicates that
the formation of ACC in the ‘replacement’ experiment (where 30% CO3; was
replaced by SO,4, Table 6.1) can be represented by Eq. 6.4. The fractions in Eq. 6.4
represent the ion fractions with respect to the calcium ion if all carbonate would

precipitate as ACC.

Ca?* +0.7C0%~ + 0.3S02~ - 0.7CaC05(ACC) + 0.3Ca** + 0.350%

(Eq. 6.4)

Eqg. 6.4 indicates that subsequent to ACC formation, the remaining Ca and SO,
concentrations were significantly larger than the CO3 concentration (in line with the
results from experiments described in chapter 5, Table 6.2). Hence, the formation of
rapidcreekite in the ‘replacement’ experiment corresponds well with the observation
from DyDO et al. (2003) that rapidcreekite forms from a solution with a low
CO3/S0O, ratio (0.0045).
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Table 6.2 Extract from Table D.1 on the solution chemistry prior to the formation
of vaterite, from the results of experiments described in chapter 5 with no
additive or 10% SO, in the initial carbonate solution instead of 30% (‘no
additive’, ‘replacement (10%)’ and ‘additive (10%)’)

Total concentrations (mM)  Aqueous speciation (mM)

pH  Ca TIC SO;  Ca®* COZ™ HCO; SO

No additive 9.5 26 30 0 20 4.0 7.3 0
Replacement (10%) 8.8 75 45 45 57 2.1 22 23
Additive (10%) 9.6 32 39 48 22 54 8.5 27

As shown in Eq. 6.4, the carbonate concentration is likely to be low and
rapidcreekite is a carbonate containing phase. Hence, the formation of rapidcreekite

is likely to have formed at the expense of ACC as represented in Eq. 6.5.

CaC05(ACC) + Ca*t + SOZ~ + 4H,0 — Ca,S0,C05 - 4H,0(rapidcreekite)

(Eq. 6.5)

Following the formation of rapidcreekite, gypsum started to crystallize at ~6 min.
and simultaneously the pH increased from ~7.7 to ~7.9 between ~6 and ~15 min
(Figure 6.3) during which a(?) for rapidcreekite and vaterite remained constant
(Figure 6.2A). Hence, the increase in pH cannot be explained by a release of CO3
from the break down of rapidcreekite. This indicates that the initial gypsum
crystallization occurred at the expense of any remaining ACC, as an increase in CO3
in solution (caused by the dissolution of ACC) could explain the observed increase
in pH (Eqg. 6.6 and Figure 6.3).

CaC05(ACC) + S0;~ + 2H,0 - CO5~ + CaS0O, - 2H,0(gypsum)

(Eq 6.6)

Between ~15 min and ~40 min, the a(?) for rapidcreekite decreased while the
a(t) for gypsum and vaterite increased (Figure 6.2A). Additionally, the sum of the
gypsum and rapidcreekite mole % decreased with rapidcreekite disappearance
(Figure 6.2B). Hence, the total amount of solid CaSO, in the system decreased. This

indicates that the amount of SOy in solution increased (caused by the disappearance
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of rapidcreekite, Eq. 6.7). In contrast, the sum of the vaterite and rapidcreekite mole
% increased continuously throughout the experiment (Figure 6.2C). This indicates
that the disappearance of rapidcreekite was caused by the formation of additional

vaterite and concurrently releasing Ca and SO, into the solution following Eq. 6.7.

Ca,S0,C05 - 4H,0(rapidcreekite)
- Ca?* + SO0?™ + 4H,0 + CaCO5(vaterite)

(Eq. 6.7)

Finally, when all rapidcreekite disappeared, gypsum continued to form (at ~ 40 min,
Figure 6.2A and 6.2B). In addition, the pH remained constant after all rapidcreekite
dissolved and no more vaterite crystallized during the experiment (Figure 6.2 and
6.3). This indicates that no more ACC was present in the system and the additional

gypsum crystallized from solution (Eg. 6.8).

Ca** + 502~ + 2H,0 - CaSO0, - 2H,0(gypsum)

(Eq. 6.8)

6.3.2 ‘Additive’ and ‘additive-Mg’ experiments

Figure 6.4A and 6.5A show the a(?) extracted from the WAXS patterns
collected during the ‘additive’ and additive-Mg experiment, respectively, using Eq.
6.1 and 6.2. During the ‘additive’ experiment, the a(z) for gypsum started to increase
at ~3 min (Figure 6.4A), while the a(?) for rapidcreekite and vaterite started to
increase at ~4 and ~4.5 min respectively. The «(t) for rapidcreekite reached a
maximum of ~0.05 at ~7 min and decreased to O after ~12 min. During the
‘additive’ -Mg experiment, the o(z) for gypsum started to increase at ~1 min, the a(z)
for rapidcreekite at ~2 min and the «(?) for vaterite at ~5 min (Figure 6.5A). The a(?)
for rapidcreekite reached a maximum of ~0.18 at ~7 min and decreased to O after

~30 min.
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Figure 6.4 a(t) plots for vaterite, gypsum and rapidcreekite from the ‘additive’
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Figure 6.5 a(z) plots for vaterite, calcite, gypsum and rapidcreekite from the
‘additive-Mg’ experiment (A) a(t) calculated using Eq. 6.1 and 6.2; (B) and
(C): a() recalculated to the mole % of crystalline phases in the system using
Eq. 6.3, including the sum of mole % of (B) gypsum and rapidcreekite and (C)
vaterite and rapidcreekite

Similar to the ‘replacement’ experiments, the first phase that formed in the
‘additive’ and ‘additive-Mg’ experiment was an ACC phase, which can be
represented by Eq. 6.9 (‘additive’) and 6.10 (‘additive-Mg’). The fractions in Eq. 6.9
and 6.10 represent the ion fractions with respect to the calcium ion if all carbonate

precipitated as ACC and Mg would replace Ca in the structure of ACC.



-119 -

Ca?* + CO%™ 4 0.3502~ - CaCO5(ACC) + 0.350%"

(Eg. 6.9)

Ca?* + 0.1Mg?* + COZ + 0.350%"
- Ca,_Mg,CO5(ACC) + xCa?* + (0.1 — x)Mg?** + 0.350;

(Eq. 6.10)

As shown in Figure 6.4 and 6.5, the first phase that formed in the ‘additive’ and
additive-Mg experiments was gypsum. The formation of gypsum during the
‘additive’ experiment compared to the ‘replacement’ experiment was significantly
faster (~90% gypsum formed during the first 10 min in the ‘additive’ experiment
compared to ~20% during the ‘replacement’ experiment, Figure 6.2A and 6.4A).
Table 6.2 and Eq. 6.4 and 6.9 indicate that the aqueous Ca/SO, ratio after ACC
formed was lower in the ‘additive’ experiment compared to the ‘replacement’
experiment. ZHANG and NANCOLLAS (1992) determined that the hydration of
gypsum facilitates the incorporation of Ca (which ions are more strongly hydrated
than SO,4) more than the incorporation of SO,4. This causes the gypsum formation
kinetics to increase in decreasing low Ca/SO, ratio (ZHANG and NANCOLLAS, 1992).
Hence, the difference in the aqueous Ca/SO, ratios (Eg. 6.4 and 6.9) caused the
increase in the gypsum formation Kinetics in the ‘additive’ experiment compared to
the ‘replacement’ experiment. The faster kinetics of gypsum formation at a low
Ca/SO, ratio can also explain the gypsum (a decrease in the induction time)
crystallization before rapidcreekite and vaterite in the ‘additive’ experiment (Figure
6.4A).

Mg has been shown to incorporate into the structure of ACC (Eg. 6.10, LOSTE
et al., 2003) stabilizing the precipitated amorphous phase (LOSTE et al., 2003;
RODRIGUEZ-BLANCO et al., in press). This could increase the amount of ACC
formed initially, which could lead to a decreased Ca concentration leading to a
decrease in the Ca/SO, ratio. As discussed above, this could cause a decrease in the
gypsum induction time in the ‘additive-Mg’ (~1 min) compared to the ‘additive’
experiment (~3 min) (Figure 6.4A and 6.5A). In the ‘additive-Mg’ experiment both

the induction time for rapidcreekite and gypsum decreased. Because the structures of
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gypsum and rapidcreekite are similar (CoorER and HAWTHORNE, 1996), the
decrease in the induction time for rapidcreekite in the ‘additive-Mg’ experiment
compared to the ‘additive’ experiment could also be caused by a lowering in the
aqueous Ca/SQq ratio as described above.

During the ‘additive’ and ‘additive-Mg’ experiments, rapidcreekite
crystallization ended when the initial (rapid) vaterite formation finished (i.e. most
carbonate from solution was consumed by either rapidcreekite or vaterite formation,
Figure 6.4A and 6.5A). Subsequently, rapidcreekite breakdown was coupled with
the formation of additional vaterite (section 6.3.1 and Eq. 6.7) releasing Ca and SO,
back into the solution (Figure 6.4C and 6.5C) allowing further gypsum formation
(Eq. 6.7, Figure 6.4 and 6.5). During the ‘replacement’ and ‘additive-Mg’
experiment the sum of the mole % of rapidcreekite and gypsum decreased during the
dissolution of rapidcreekite (Figure 6.5B). This indicates that not all Ca and SO,
released back into solution by the breakdown of rapidcreekite resulted in additional
formation of gypsum. Furthermore, rapidcreekite only started forming after more
than 75% of the gypsum had crystallized (Figure 6.4 and 6.5). These observations
indicate that rapidcreekite solubility is lower than gypsum solubility. However,
CaCOg3 minerals are about four orders of magnitude less soluble than gypsum
(FREYER and VOIGT, 2003; PLUMMER and BUSENBERG, 1982). Hence, the formation
of CaCO3 minerals is likely to be favoured over the formation of rapidcreekite or

cause the breakdown of rapidcreekite.

6.3.3 Vaterite formation mechanisms and kinetics

Figure 6.6 shows the «(#) for the initial stage of the vaterite formation
including the best fit with the Johnson-Mehl-Avarami-Kolmogorov (JMAK)
equation (Eqg. 6.11, AvrRAMI, 1939; AVvRAMI, 1940; AVRAMI, 1941; JOHNSON and
MEHL, 1939):

a(t) =1 —exp[—k(t —ty)"]

(Eg. 6.11)

where Kk is the kinetic constant (min™), t is the time (min), to is the induction time
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(min) and n is the Avrami exponent. The Avrami exponent can be expressed as:
n =14 d (GRANASY et al., 2005), where d is the dimensionality during spherulitic
growth. The JMAK parameters fitted with n = 4 (chapter 5) are listed in Table 6.3.
The kinetic constant in all experiments was lower and the induction time higher for
all experiments compared to the experiments described in chapter 5 (‘no additive’,
‘replacement (10%)’ and ‘additive (10%)’ in Table 6.3). Additionally, the induction
time in the ‘additive’ and ‘additive-Mg’ experiments was higher than in the
‘replacement’ experiment and the kinetic constant was lower in the ‘additive-Mg’

experiment than in the ‘replacement’ and ‘additive’ experiments (Table 6.3).

1.2 o
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1.0 ® Additive
1 A Additive-Mg
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Figure 6.6 a(t) for the initial stage of vaterite formation in the ‘replacement’,
‘additive’ and ‘additive-Mg’ experiments with the JMAK fits superimposed
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Table 6.3 JMAK fitted parameters (with n = 4) for the spherulitic growth of
vaterite of the experiments described in this chapter (with <(30%)’ as suffix);
including a reproduction of the fitted parameters from the experiments
discussed in chapter 5 and Table 5.2 (‘no additive’, ‘replacement (10%)’ and
‘additive (10%)’) for comparison

Experiment Variable Value Standard error
no additive k (min™) 48.7 8.8
Adj. R* =0.9888 ty (min) 0.93 0.02
replacement (10%) k (min™) 11.7 2.5
Adj. R =0.9828 t, (min) 0.98 0.03
additive (10%) k (min™) 9.2 2.3
Adj. R*=0.9727 ty (min) 1.37 0.03
replacement (30%) k (min™) 0.0425 0.0075
Adj. R*=0.993 to (min) 2.34 0.09
additive (30%) k (min™) 0.0469 0.0082
Adj. R = 0.993 to (min) 3.63 0.08
additive-Mg (30%) k (min™) 0.0256 0.0060
Adj. R? = 0.982 to (min) 3.72 0.13

As discussed in chapter 5, the ACC crystallization to vaterite occurred via a
spherulitic growth mechanism (ANDREASSEN, 2005), which can be described by the
JMAK model (GRANASY et al., 2005). Additionally, the JIMAK model fits with an
Avrami coefficient (n) of 4 (Figure 6.6 and Table 6.3). This indicates that the
vaterite formation followed 3D spherulitic growth kinetics (chapter 5, GRANASY et
al., 2005). The increase in SO, concentration decreased the spherulitic rate constant
(k, Table 6.3) by ‘poisoning’ the vaterite spherulitic growth nucleation sites further
compared to the experiments with 10% SO, (chapter 5), which also caused the
increase in the induction time (t,, Table 6.3). Similar to the solution composition
described in chapter 5 (Table 6.2), the bicarbonate concentration was likely higher in
the ‘replacement’ experiment than in the ‘additive’ and ‘additive-Mg’ experiments.
This could have caused a shorter induction time in the ‘replacement’ experiment
compared to the ‘additive’ and ‘additive-Mg’ experiments (Table 6.3), either by
destabilizing ACC (chapter 5, NEBEL et al., 2008) or by the consumption of

bicarbonate rather than carbonate during the formation of vaterite (chapter 5).

Only in the ‘additive-Mg’ experiment, calcite formed in addition to vaterite
(Figure 6.5A). In similar experiments with Mg present (without SO,) ACC
crystallized directly to calcite without vaterite as an intermediate (RODRIGUEZ-
BLANCO et al., in press). This is caused by the strong destabilizing affect Mg exerts

on vaterite (chapter 4). However, the destabilization of Mg on vaterite is
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counteracted by the stabilization of vaterite by SO, and the destabilization and
inhibition of calcite by SO, (chapter 4 and 7, FERNANDEZ-DIAz et al., 2010), hence
in the ‘additive-Mg’ experiment the formation of vaterite occurred. The JMAK
model also shows that the addition of Mg decreased the kinetic constant (k) in the
‘additive-Mg’ experiment compared to the ‘additive’ and ‘replacement’ experiments
by ~40% (Table 6.3). LOSTE et al. (2003) determined that the incorporation of Mg
significantly stabilized the ACC structure and chapter 4 shows that the incorporation
of Mg destabilized vaterite. This resulted in a decrease in the vaterite crystallization

enthalpy, which caused k to decrease (Table 6.3).

6.4 Concluding remarks

Even though the solubility of rapidcreekite is likely to be lower than that of
gypsum, rapidcreekite has only been found at two localities (ROBERTS et al., 1986;
WALENTA and DuUNN, 1989) as a secondary mineral. The rarity of rapidcreekite is
likely to be caused by the lower solubility of CaCO3; minerals compared to the
solubility of rapidcreekite. This indicates that generally, CaCO3 phases will be
preferred over rapidcreekite. Thus, rapidcreekite is also likely to be associated with
calcium carbonate phases in nature (ROBERTS et al., 1986; WALENTA and DUNN,
1989) and during CaSO, scaling in the presence of CO3; (Dypo et al., 2003).
Additionally, although vaterite formed experimentally in this study, in nature the
occurrence of aragonite, as determined by ROBERTS et al. (1986), can also be
explained by the presence of Mg as well as SO, (chapter 4). The results presented in
this study indicate that rapidcreekite can form easily prior to the full crystallization
of gypsum and CaCO3 phases when both SO, and COj3 are present in solution and
that rapidcreekite might be an important intermediate in alkaline brines and

evaporitic environments.

Finally, this study highlights the applicability of synchrotron based WAXS
experiments to study complex crystallization processes. For a more complete
determination of all processes that occur during the crystallization, off-line solution
and solid data is required (e.g. solution chemistry and electron microscopy, chapter
5).
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Chapter 7

Vaterite, formation and the effect of sulfate

7.1 Introduction

Calcium carbonates (CaCOj3z) minerals precipitate in a wide variety of
environments (MORSE and MACKENZzIE, 1990). In most natural settings CaCOg3
phases are dominated by either calcite or aragonite (MORSE and MACKENZIE, 1990).
However, a third rare metastable anhydrous CaCO3 mineral (vaterite) can occur in
nature. Examples of vaterite occurrence in nature are: in the presence of gypsum
(GRAsBY, 2003) and as an lkaite (CaCO3:6H,0) dehydration product (ITo et al.,
1999). Additionally, several organisms have been determined to produce vaterite as
a biomineralization product (LOWENSTAM, 1981). For example, the mineralized
parts of a specific sea squirt (Herdmania momus, LOWENSTAM and ABBOTT, 1975)
and the otoliths of some fish species (TOMAS and GEFFEN, 2003) are exclusively

made of vaterite.

Several studies have attempted to refine the structure of vaterite (KAMHI, 1963;
LE BAIL et al., 2011; MEDEIROS et al., 2007; MEYER, 1960; MEYER, 1969; WANG
and BECKER, 2009). Even though no agreement has been reached on the precise
structure, some features of the vaterite structure are identical between all
refinements. The calcium ions are positioned in a hexagonal sub-lattice, the
carbonate ions are aligned in planes parallel to the c-axis and there is a considerable
amount of disorder in the position and alignment of the carbonate ions in the

structure.

Experimentally, in the absence of any additives, vaterite transforms into calcite
(KrRALJ et al., 1997; OGINO et al., 1987; OGINO et al., 1990; RODRIGUEZ-BLANCO et
al., 2011) or aragonite (BiscHOFF, 1968; OGINO et al., 1987) within a few hours.
This transient nature of vaterite can explain the rarity of vaterite in natural settings
and the difficulties in structural determinations. However, experimental studies on
the carbonation of gypsum also resulted in the formation and persistence of vaterite

(FERNANDEZ-DIAz et al., 2009b; FLORKE and FLORKE, 1961; RONCAL-HERRERO et



-125 -

al., 2011). Vaterite has also been observed to preferentially form and persist for
longer periods in the presence of sulfate (chapter 4, DONER and PRATT, 1969;
FERNANDEZ-Diaz et al., 2010; Simkiss, 1964). Additionally, BISCHOFF (1968)
determined that the transformation kinetics of vaterite to aragonite decreased in the
presence of sulfate in solution. FERNANDEz-Diaz et al. (2010) used vaterite
formation experiments, in the presence of varying sulfate concentrations, in
combination with atomistic simulation models to determine that the incorporation of
sulfate enhances the stability of vaterite and concurrently decreases the stability of
calcite and aragonite. From this FERNANDEZ-DiAz et al. (2010) determined that the
vaterite to calcite and aragonite transformation energy decreases in the presence of
sulfate, explaining the observed decrease in transformation kinetics (BISCHOFF,
1968; FERNANDEzZ-DIiAz et al., 2010). However, the exact mechanisms of the
interaction of sulfate with vaterite and the effects on the structure of vaterite have

not been determined experimentally.

For comparison, ammonium has been shown to stabilize vaterite via adsorption
and by acting as a template by binding preferentially on specific vaterite lattice faces
(POUGET et al., 2010). Additionally, in biomimetic studies, organic substances have
also been shown to promote the precipitation and stabilization of vaterite (DUPONT
et al., 1997; OLDER®Y et al., 2009; THOMPSON et al., 2011; XYLA et al., 1991; ZHU
et al., 2009). Although the specific process is not well understood, organic
substances may define the crystallizing polymorph and direction of growth by, for
example, adsorption with calcium or carbonate ions or poisoning nucleation sites

(MELDRUM and COLFEN, 2008).

To determine the mechanisms of the effects of SO, on the formation, stability
and structure of vaterite were tested by via a series of synthesis and ageing
experiments. Additionally, conventional analytical methods were supplemented by

synchrotron based analytical methods.
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7.2 Methods

7.2.1 Synthesis experiments

Calcium carbonate was synthesized by rapidly mixing 200 ml of 100 mM
calcium chloride (CaCl,-2H,0, analytical grade) with 200 ml of 50-100 mM sodium
carbonate (Na,COgs, analytical grade) containing 0-2M sodium sulphate (Na;SOy,
analytical grade). The chemical composition of the solutions used in the synthesis
experiments are summarized in Table 7.1. During all experiments, the solutions
were continuously stirred by a magnetic stirrer at 150 rpm for ~15 minutes at room
temperature (21+1°C). At the end of the experiments, the precipitates were separated
from solution by filtration (0.2 um membrane filter). The precipitates were
immediately washed with 18.2 MQ Milli-Q grade H,O equilibrated with calcite,
then with propan-2-ol and subsequently dried at room temperature. X-Ray
Diffraction (XRD) analyses of the solids were performed using a Bruker D8 X-Ray
Diffractometer (Cu Kal). On all collected XRD patterns, Rietveld refinements were
performed using Topas V4.2 (BRUKER_AXS, 2009). The XRD patterns revealed that
experiment 5 (SO4/CO3; = 25, Table 7.1) produced solely vaterite. Additionally, the
chemical composition of the solid sample from experiment 5 was analyzed using a
Cameca microprobe with integrated Wavelength Dispersive X-ray Spectroscopy
(WDS) and via the dissolution of the solid sample in HCI and subsequent analyzed
with lon Chromatography (IC) as described in section 3.5.2. Finally, the structure of
the vaterite formed in experiment 5 was characterized with X-ray absorption
spectroscopy (XAS) and high-resolution XRD (HR-XRD) at Diamond Light Source
(at station 118 and 111, respectively). Also on the collected HR-XRD pattern,
Rietveld refinement was performed using Topas V4.2 (BRUKER_AXS, 2009).
Experiment 5 was also repeated 5 times for 3.33 — 140 minutes. The pH was also
recorded during one of the repeat experiments (140 min). The solid products of these
repeat experiments were washed, dried and characterized with XRD as described

above.
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Table 7.1 Summary of the solutions used for the formation experiments

Casolution CO;/ SO, solution
Exp. CaCl,(mM) Na,CO;z (mM) Na,SO,(M) SO,/CO;

1 100 100 0 0

2 100 100 0.42 4.2
3 100 100 1 10
4 100 50 1 20
5 100 50 1.25 25
6 100 50 15 30
7 100 50 2 40

7.2.2 Ageing experiments

In addition to the synthesis experiments, aging experiments were performed to
determine the persistence and stability of the formed vaterite. Because experiment 5
produced solely vaterite, the vaterite formed in this experiment was also used in
subsequent ageing experiments. These ageing experiments were performed with
solutions containing 10 mM CaCl; and 0-200 mM Na,SO,4 and 0-2 mM MgCl,
concentrations. The pH (in equilibrium with the atmosphere) was adjusted to ~8.1
using a 2N NaOH solution. The ageing experiments were performed by adding 0.5 g
of the solid produced in experiment 5 to 200 ml of the solutions described in above
and in Table 7.2. The suspensions were continuously stirred by a magnetic stirrer at
150 rpm for up to 17 hours (Table 7.2). All ageing experiments were performed at
room temperature (21+£1°C). At the end of each experiment, solid samples were
separated from the solutions in the same way as described above, and characterized
with XRD. On all collected XRD patterns, Rietveld refinements were performed
using Topas V4.2 (BRUKER_AXS, 2009) to determine the weight percentage of
calcite and vaterite present in the samples. Solution samples were taken before
adding the solid to the solutions and at the end of the experiments. To confirm the
solution chemistry (Table 7.2), the solution samples were analysed for Ca and Mg
photospectrometrically using calmagite as an indicator (section 3.5.1) and SO, using
ion chromatography (IC) with a carbonate/bicarbonate eluent.
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Table 7.2 Solution chemistry of the ageing experiments

Exp. Time(h) CaCl,(mM) MgCl, (mM) Na,SO, (mM)

Al 1.0 10 0 0
A2 3.4 10 0 0
Bl 1.0 10 0 30
B2 3.5 10 0 30
Cl 1.4 10 0 100
C2 3.0 10 0 100
D1 1.5 10 0 200
D2 5.2 10 0 200
El 2.3 10 2 0
E2 16.8 10 2 0
F1 2.5 10 2 100
F2 17.0 10 2 100

7.3 Results and discussion

7.3.1 Synthesis experiments

All Bragg peaks from the XRD patterns could be assigned to calcium
carbonate phases (i.e.: calcite and vaterite, Figure 7.1). At a SO4/COj3 ratio of 0,
~39% calcite and ~61% vaterite formed. With an increase in the SO4/CO; ratio, the
percentage of calcite decreased and above a SO4/CO5 ratio of 25, vaterite was the
only phase that formed (Figure 7.1). This shows that the presence of sulfate in
solution promoted the formation of vaterite over calcite. This trend has also been
reported by FERNANDEZz-DiAz et al. (2010). However, the highest SO4/CO3 ratio
used by FERNANDEZz-DIAz et al. (2010) was 0.5, which is significantly lower than
the SO4/CO; ratios used in this study (Table 7.1). This could explain why
FERNANDEZ-DIAz et al. (2010) did not produce solely vaterite and only achieved a
maximum of ~90% vaterite. The IC and microprobe WDS analyses revealed the SO,
content of the vaterite from experiment 5 (SO4/CO3; = 25, Table 7.1) to be 4.0 mol%
+ 0.2, which is significantly higher than previously observed for the incorporation of
sulfate into the structure of vaterite (<1.9 mol%, chapter 4 and <2.2 mol%,
FERNANDEZ-DiAz et al., 2010). The vaterite sample formed in experiment 5, at a
S0,4/CO; of 25, will henceforth be referred to as ‘4%S0O, vaterite’.
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Figure 7.1 Stacked XRD patterns showing the effect of SO,/CO3 on the formation
of calcium carbonate; the legend represents the initial SO4/CO3 ratio and the
calculated weight percentage of calcite

In the XRD patterns of the repeats of experiment 5 (SO4/CO3 = 25, Table 7.1)
all Bragg peaks can be assigned to vaterite (Figure 7.2). The patterns from the solids
that were separated from solution at 3.33 and 4.33 minutes had a relatively high
background intensity (with a maximum intensity at 20 =~ 32°) and low intensity
vaterite Bragg peaks. Between 4.33 and 9 minutes, the background intensity
decreased and remained low beyond 9 minutes (Figure 7.2). Additionally, the pH
profile of the repeat of experiment 5 (SO4/CO3; = 25, Table 7.1, Figure 7.3) shows
that the pH initially decreased from ~10.5 — 10.3 up to ~7 minutes followed by a
subsequent larger decrease in pH from ~10.3 — 9 (from 9 minutes onwards, Figure
7.3). Such a pH evolution with two subsequent decreases in pH during the formation
of crystalline calcium carbonate phases, has previously also been reported by OGINO
et al. (1987).
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Figure 7.2 Stacked XRD patterns from five repeats of experiment 5 (SO4/CO3 =
25); the legend represents the time after mixing that the solid sample was
separated from solution and the patterns show the development of only vaterite
Bragg peaks

11.0+
10.64

1024

I .,
L 98

S I vaterite

9.4+

9.04

LN A B B B I B B B B A B By N B S B S B B B S B B R

— —
0.5 1 2 4 8 16 32 64 128
time (min)

Figure 7.3 pH evolution during experiment 5 (SO,/CO3 = 25, Table 7.1), including
the saturation index with respect to vaterite (Slyatrite) aS calculated using
PHREEQC, assuming no CO, exchange with the atmosphere (PARKHURST and
APPELO, 1999), the arrow represents the inflection point (OGINO et al., 1987),
the dotted horizontal line represents the Slyaterite required for spherulitic growth
and the solid horizontal line represents the ‘solubility’ of vaterite if no CO,
exchange with the atmosphere occurred

Amorphous calcium carbonate (ACC) has no long range order (>15 A),
resulting in the absence of Bragg peaks in XRD patterns combined with a broad
maximum at 20 =~ 30° (FAATZ et al., 2004; RODRIGUEZ-BLANCO et al., 2008). Hence,

the XRD results indicate that during the synthesis experiments initially ACC formed
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which crystallized to vaterite (chapter 5, OGINO et al., 1987; RODRIGUEZ-BLANCO et
al., 2011). The decrease in the background intensity between 4.33 and 9 minutes
indicates that ACC fully crystallized prior to 9 minutes, corresponding with previous
results on the crystallization of ACC (chapter 5, OGINO et al., 1987; RODRIGUEZ-
BLANCO et al., 2011). The full crystallization of ACC was concurrent to the initial
decrease in pH from 10.5 — 10.3 (Figure 7.3). Additional PHREEQC (PARKHURST
and APPELO, 1999) calculations were performed by assuming that changes in pH
were caused by the formation of CaCOj3 only, to obtain information on the saturation
state during the experiment (Figure 7.3). These calculations revealed that up to ~7
minutes, the supersaturation of the solution with respect to vaterite was high enough
to sustain vaterite spherulitic growth (SI > 1.5, Figure 7.3, chapter 5, ANDREASSEN,
2005). The supersaturation with respect to vaterite combined with the presence of
ACC (at 3.33 and 4.33 minutes) during the formation experiment (Figure 7.2 and
7.3) support an initial vaterite formation (<7 — 9 minutes) via spherulitic growth

from ACC as discussed in chapter 5 and by ANDREASSEN (2005).

During the second decrease in pH (~9 minutes onwards, Figure 7.3), the
calculated supersaturation with respect to vaterite decreased below the threshold for
vaterite spherulitic growth (SI < 1.5, Figure 7.3, chapter 5, ANDREASSEN, 2005).
Additionally, no ACC was detected in the XRD patterns in the formation experiment
at 9 minutes (Figure 7.2) and the PHREEQC calculations indicate that an additional
~20% calcium carbonate formed after ~9 minutes. This suggests that additional

vaterite formed, predominantly via direct precipitation from solution.

7.3.2 Structural analyses of vaterite

High Resolution-XRD (HR-XRD) pattern from the ‘4%SQO, vaterite’ obtained
at Diamond Light Source beamline 111 is shown in Figure 7.4. Corresponding to the
offline XRD pattern from the ‘4%S0O, vaterite’ sample (Figure 7.1), all Bragg peaks
in the HR-XRD pattern (Figure 7.4) can be assigned to vaterite, confirming the
presence of only vaterite the ‘4%SQO, vaterite’ sample. The results from the
refinements on the HR-XRD pattern are summarized in Table 7.3 (KAMHI, 1963;
MEYER, 1969) and the Rietveld refinement with the structural model from KAMHI
(1963) is plotted in Figure 7.4. The Rietveld refinements of the vaterite using the

structure file from KAMHI (1963) showed that the calculated lattice parameters did
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not significantly differ from the previously reported lattice parameters for vaterite
(Table 7.3) produced via the dehydration of ikaite (TANG et al., 2009). Additionally,
the lattice parameters calculated with the Le Bail refinement (which uses the
symmetry of the unit cell only without any assumption on the position of the atoms
to refine the lattice parameters) using the supercell from MeYER (1969) showed no
significant differences with lattice parameters from vaterite (Table 7.3) produced via
the biomimetic formation in the presence of amino acids (THOMPSON et al., 2011).
These comparisons suggest that the crystal structure of the ‘4%SQ, vaterite’ was not
affected by the presence of SO, in the solid sample. Furthermore, no additional
crystalline (SO4) phase was present in the vaterite sample. This in agreement with

previous results of the effect of SO, on the structure of vaterite (chapter 4,

FERNANDEZ-DiAz et al., 2010).

011)
012)

(010)
(110)
(014)

Intensity (a.u.)
(002)

Figure 7.4 HR-XRD pattern of the ‘4%SQ, vaterite’ in blue (measured with a A =
0.826404 A), fitted vaterite pattern using the structural model by KamHi et al.
(1963) in red and the difference plot in grey; a selection of the Miller indices
are shown above the corresponding Bragg peaks
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Table 7.3 Summary of the Rietveld refinement on the HR-XRD pattern of the
‘4%S0y vaterite’; *the Rietveld refinement using the structural model from
MEYER (1969) did not result in a fit, hence this structural model was fitted
with performing a Le Bail refinement resulting in a low Rgragg

7.1532 (THOMPSON
16.9323 etal., 2011)

Crystal Reragg ~ Unitcell  Refined Literature Reference
sysmtem axis values (A)  values (A)
Hexagonal 4551 a 4.1287 4.13 (KAMHI,
C 8.4706 8.49 1963)
a 4.1228 (TANG et
C 8.4654 al., 2009)
Hexagonal 0.515* a 7.1517 7.15 (MEYER,
C 16.9409 16.94 1969)
a
C

The XANES spectrum from the ‘4%SQ, vaterite’, collected at Diamond Light
Source beamline 118, and a comparison to an aragonite and calcite standard are
plotted in Figure 7.5. The XANES spectrum from the vaterite sample and calcite
standard both show two peaks at ~4050 and ~4058 eV. The XANES spectrum from
aragonite only exhibits one main peak at ~4050 eV and a smaller broad peak
between 4060 and 4065 eV. Additionally, all the XANES spectra show a pre-edge
peak at ~4040 eV and a shoulder on the ~4045 eV. The vaterite XANES spectrum
differs significantly from the calcite and aragonite standards (Figure 7.5) and the
vaterite XANES spectrum is identical to a previously reported XANES spectrum
from vaterite without the incorporation of foreign ions like sulfate (LAM et al.,
2007). This suggests that, like the structure of the ‘4%S0O, vaterite’, the local order
environment of calcium in the ‘4%SQO, vaterite’ was not affected by the presence of

SO, in the sample.
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Figure 7.5 XANES spectrum at the Ca K-edge from the vaterite from experiment
‘4%S0, vaterite’, including a calcite and aragonite standard

7.3.3 Vaterite ageing

During the aging experiments using the ‘4%SQO, vaterite’, in the solutions with
0 mM SO, and 0 mM Mg (experiment A1l and A2, Table 7.2), the final weight
percentage of calcite was ~1% and ~4% after 1.0 and 3.4 hours, respectively (Figure
7.6). In the solutions with 0 mM SO, and 2 mM Mg (experiment E1 and E2, Table
7.2), the final weight percentage of calcite was ~0.7% and ~47% after respectively
2.5 and 16.8 hours (Figure 7.6). In contrast, during all ageing experiments when SO,
was added to the ageing solutions (Table 7.2), no calcite formed up to 17 hours
(Figure 7.6).

The solution analyses on the collected solutions from all ageing experiments
confirmed the initial solution composition throughout the experiments (Table 7.2).
However, during the experiments without sulfate in the initial solution (experiment
Al, A2, E1 and E2, Table 7.2), the SO, concentration at the end of the experiments
increased from 0 mM to ~0.8 — 0.9 mM while the Ca concentration remained
constant at ~10 mM (Figure 7.7).
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Figure 7.6 Polymorph distribution vs. time during all vaterite ripening experiments;
the legend represents the SO, and Mg concentration in solution as described in
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Figure 7.7 The Ca (A) and SO, (B) concentration in the ageing experiments
without SO, present in the initial solutions; the legend represents the Mg
concentration in solution as described in Table 7.2, the numbering in (B)
represents the experiment number as listed in Table 7.2 and the error bars
represent the standard deviation from triplicate measurements

Figure 7.7 shows that SO, was released into the solution during the formation

of calcite (Figure 7.6) in the experiments without SO, in the initial solution. The
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release of SO, into the solution, in combination with a constant Ca concentration,
indicates that vaterite transformed to calcite instead of primary calcite formation
from solution. An increase in the SO, concentration to ~0.85 mM in 1 hour
(experiment A1, Table 7.2, Figure 7.7) was caused by a release of ~85 % of the SO,
(associated with the ‘4%SQO, vaterite’) into the solution, while only ~1 % vaterite
transformed to calcite (Figure 7.6). This indicates that the analyzed SO, was
predominantly associated with the surface of the ‘4%SQO, vaterite’. Additionally,
without SO, and Mg in the initial solution (experiment A2, Table 7.2), ~4% of the
vaterite transformed to calcite in ~3.4 hours (Figure 7.6). In comparison,
RODRIGUEZ-BLANCO et al. (2011) determined that in a system without any SO,
~30% vaterite transformed to calcite in 3 hours. This indicates that less than 1 mM
SO, in solution decreased the rate of vaterite to calcite transformation. In the
presence of Mg in solution (Experiments E1 and E2, Table 7.2), ~48% of the
‘4%S0, vaterite’ transformed after ~17 h (Figure 7.6). However, 0.7% vaterite
transformed to calcite after 2.5 hours compared to 1% and 4% after 1 and 3.4 hours
in the absence of Mg (and SO,) in solution. This indicates that in the presence of
Mg, the transformation of vaterite to calcite was inhibited even though Mg has been
shown to destabilize vaterite (chapter 4). Finally, no calcite formed when >30 mM
SO, was present in solution; thus, the vaterite transformation was completely
inhibited for up 17 hours (Figure 7.6).

7.3.4 The effects on vaterite stability

SO, incorporation has been determined to decrease the stability of calcite and
increase the stability of vaterite (chapter 4, BUSENBERG and PLUMMER, 1985;
FERNANDEZ-DIAz et al., 2010). This could cause a decrease in the vaterite to calcite
transformation kinetics (FERNANDEZ-DIAZ et al., 2010). However, as shown above,
SO, was predominantly associated to the surfaces of vaterite, instead of incorporated
into the structure. Hence, the presence of sulfate likely caused the formation of
calcite to be inhibited (VAVOURAKI et al., 2008), preventing the transformation of
vaterite to calcite as observed in the ageing experiments (Figure 7.6). During the
experiments with SO, in the initial solutions, calcite was further destabilized due to
the presence of SO, inhibiting the formation and growth of calcite (VAVOURAKI et

al., 2008). However, inhibition of the transformation of vaterite to calcite due to
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small amounts of SO, incorporation into the structure of vaterite and adsorption of

SO, onto vaterite surfaces cannot be excluded.

As indicated above, 2 mM Mg in solution caused a small inhibition of the
transformation of vaterite to calcite. BISCHOFF (1968) determined that no decrease in
the vaterite to aragonite transformation occurred with up to 5 mM Mg in solution.
However, Mg in solution has been shown to inhibit the formation of calcite via
adsorption onto calcite surfaces and the incorporation of Mg into calcite (chapter 4,
BiscHOFF and FYFE, 1968; DAviIs et al., 2000). Thus the presence of Mg in solution
could cause an additional decrease in the reaction kinetics by inhibiting calcite

formation.

As observed in Figure 7.1, sulfate caused the preferential formation of vaterite
over calcite. The incorporation of sulfate into the calcite structure has also been
shown to decrease the calcite formation and growth from sulfate containing
solutions (chapter 4, VAVOURAKI et al., 2008). However, adsorption of sulfate onto
vaterite has previously been determined to decrease vaterite nucleation and growth
via poisoning its nucleation and growth sites (chapter 5). Thus, for the formation of
solely vaterite (at SO,/CO3 > 25, Figure 7.1), calcite nucleation and growth needed
to be inhibited more strongly than vaterite, likely due to the destabilization
(BUSENBERG and PLUMMER, 1985; FERNANDEZz-DIAz et al., 2010) and inhibition
(chapter 4, VAVOURAKI et al., 2008) of calcite formation and growth as discussed
above. An increase in the preferential formation of vaterite over calcite due to
stabilizing effects caused by small amounts of SO, incorporation into the structure

of vaterite (FERNANDEZ-DIAZ et al., 2010) can however not be excluded.

7.4 Concluding remarks

Vaterite formed initially via a spherulitic growth mechanism, followed by
secondary vaterite formation directly from solution. An increase in the SO4/CO3;
ratio promoted the formation of vaterite over calcite. Additionally, SO, was
predominantly associated to the surfaces of vaterite rather than incorporated into the
vaterite structure. Hence, the formation of solely vaterite in high SO4 concentrations
(SO4/CO3 > 25, Figure 7.1) and the inhibition of the transformation of vaterite to

calcite were likely to be primarily caused by the inhibition of calcite formation. This
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is contrary to the formation of vaterite in the presence of ammonium and in
biomimetic studies where ammonium and organics cause the preferential formation
of vaterite dominantly by templating effects. The results in this study can help

explain the occurrence of vaterite in different environmental settings.

Finally, the presence of SO, during the formation of vaterite did not affect the
local order and the crystal structure significantly. This shows that the vaterite

produced in this study was structurally identical to pure vaterite.
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Chapter 8

Summary and concluding remarks

This thesis describes the effects of solution composition on calcium carbonate
formation and mineralogy, tested via a variety of experimental approaches. The
effect of the solution composition was tested on: (1) the mineralogy and formation
of calcium carbonate phases (chapter 4 and 7) and (2) the crystallization mechanism
of calcium carbonate from an amorphous precursor (ACC, chapter 5 — 7). The
results improve our knowledge of the influences of variations in solution
composition (sulfate and magnesium) on the formation and mineralogy of calcium
carbonate minerals. This will aid understanding of the processes influencing the
primary calcium carbonate formation during the Phanerozoic and processes

influencing biomineralization.

8.1 Effects of solution composition (sulfate and magnesium) on the

precipitated calcium carbonate polymorph

In the constant addition experiments, the effects of solution composition
(sulfate and magnesium) on heterogeneous calcium carbonate formation were
studied (chapter 4). The results from these experiments confirmed that magnesium
replaces calcium in the structure of calcite and vaterite, while magnesium does not
replace calcium in the structure of aragonite (<0.1 mol% magnesium). Concurrent
with the incorporation of magnesium into calcite and vaterite, the unit cell size
decreased due to the smaller size of the magnesium compared to calcium ions,
causing both phases to destabilize with respect to aragonite. Hence, with an increase
in the magnesium to calcium ratio in solution, aragonite formed from solution
instead of calcite or vaterite. At magnesium to calcium ratios higher than ~0.6-0.7,

aragonite was the dominant calcium carbonate mineral formed.

When sulfate was present in the solutions during the constant addition
experiments (chapter 4), sulfate replaced carbonate in the structure of all calcium
carbonate minerals. Due to the replacement of planar carbonate by larger tetragonal

sulfate ions, the unit cell of calcite increased. The same, but to a lesser extent,
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occurred when sulfate replaced carbonate in aragonite. From the changes in the
calcite and aragonite unit cell sizes, it was concluded that the incorporation of
sulfate decreased the stability of calcite and, to a lesser extent, the stability of
aragonite. Due to the changes in the stability of calcite and aragonite, the
magnesium to calcium ratio at which calcite became less stable than aragonite
decreased in the presence of sulfate, even though the incorporation of sulfate into the
structure of calcite decreased in the presence of magnesium. This caused the
formation of dominantly aragonite instead of calcite at lower magnesium to calcium
ratios (e.g. at 5 mM SQO,4, Mg/Ca = ~0.3).

The results from the constant addition experiments (chapter 4) also revealed
that the vaterite unit cell size did not change with the incorporation of up to 1.9
mol% sulfate. This lack of any structural changes concurrent with the incorporation
of sulfate into vaterite is likely to have caused the stability of vaterite to increase.
Thus in the presence of sulfate in solution (and no aqueous magnesium) vaterite was
the dominant polymorph formed from solution. However, the formation and ageing
experiments (with varying sulfate to carbonate ratios) described in chapter 7 indicate
that sulfate in solution predominantly adsorbed onto vaterite surfaces rather than
incorporated into the vaterite structure. This indicates that the formation of vaterite
was predominantly caused via the destabilization of calcite. However, the results
described in chapter 4 and chapter 7 cannot be directly compared because of the
differences in the kinetics and mechanism of vaterite formation (slow formation on

reactive surfaces (chapter 4) vs. fast spherulitic growth (chapter 7)).

8.2 Amorphous calcium carbonate crystallization and the effect of

the sulfate concentration

Amorphous calcium carbonate (ACC) crystallization was studied using a set of
experiments with high initial supersaturation to allow for the crystallization process
to be followed in situ using X-ray scattering techniques. Combined with additional
information on the solution composition (e.g.: calcium and pH) and imaging of the
solids, the crystallization mechanism could be extracted. The initial calcium
carbonate in a highly supersaturated system was a highly soluble disordered ACC

(chapter 5, 6 and 7). In the presence of the disordered ACC, the solution remained



- 141 -

highly supersaturated with respect to the crystalline calcium carbonate polymorphs.
During this stage vaterite formation was initiated, likely via the destabilization of
ACC due to its continuous growth. The initial stage of vaterite formation occurred
via a spherulitic growth mechanism (chapter 5), which was maintained as long as
highly soluble ACC was present in the system, allowing the solution composition to
exceed supersaturation needed for spherulitic growth (Slyaterite > 1.5). The initially
formed disordered ACC subsequently dehydrated, which caused the local order in
the structure to increase. This caused the thermodynamic stability of the ACC to
increase and the supersaturation to decrease below the limit for vaterite spherulitic
growth. Hence, the final stage of vaterite formation occurred via ACC dissolution
coupled to vaterite precipitation (chapter 5). After vaterite was fully formed and no
more ACC was present, vaterite particle growth (Ostwald ripening) was the only
remaining process occurring in the system (chapter 5). Subsequently, the vaterite
eventually transformed to the thermodynamically most stable phase calcite via a
dissolution reprecipitation mechanism (OGINO et al., 1990; RODRIGUEZ-BLANCO et
al., 2011). The ACC crystallization pathway described here followed the Ostwald
step rule (VAN SANTEN, 1984) and validated the relative stability of various
amorphous and crystalline calcium carbonate phases as described by RADHA et al.
(2010).

In addition to the mechanism of ACC crystallization to vaterite, the effects of
solution composition on ACC crystallization have been quantified (chapter 5, 6 and
7). In contrast to the crystalline calcium carbonate phases (chapter 4), sulfate in
solution during the formation of ACC did not replace carbonate in the structure of
ACC (chapter 5). Hence, sulfate had no significant effect on the mechanism of ACC
crystallization to vaterite. However, sulfate in solution did cause an increase in the
induction time of vaterite nucleation and reduced its spherulitic growth rate, likely
by poisoning nucleation and growth sites (chapter 5). Sulfate also caused the vaterite
Ostwald ripening process to slow down, either via the incorporation of sulfate into
vaterite (chapter 4) or via the adsorption of sulfate onto vaterite surfaces (chapter 5
and 7). Additionally, preferential crystallization to vaterite over calcite was likely

caused by the destabilization of calcite in the presence sulfate (chapter 7).

When the sulfate concentration in solution exceeded the solubility for calcium
sulfate phases (i.e.. >50 mM sulfate, chapter 6), rapidcreekite (Ca,SO4CQO3-4H,0)
and gypsum (CaSQO,4-2H,0) formed in addition to ACC and vaterite (chapter 6). The
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formation of these phases did not affect the initial vaterite spherulitic growth.
However, the dissolution of rapidcreekite, instead of less hydrated, more ordered
ACC (chapter 5), dominated the vaterite formation in the dissolution reprecipitation
stage (chapter 6). Additionally, the formation of rapidcreekite after >75% of gypsum
formed and the disappearance of rapidcreekite coupled to the formation of additional
vaterite (instead of gypsum) indicates that the solubility of rapidcreekite is lower

than the solubility of gypsum.

Conversely, magnesium incorporated into the structure of ACC stabilized this
phase significantly (LOSTE et al., 2003). Magnesium also promoted the formation of
calcite over vaterite (chapter 6, RODRIGUEZ-BLANCO et al., in press) and decreased
the vaterite spherulitic growth kinetics without inducing a delay in vaterite
formation (chapter 6). The decrease in the kinetics of vaterite spherulitic growth and
the promotion of calcite over vaterite in the presence of 50 mM magnesium was
likely caused by a decrease in the stability of vaterite due to magnesium
incorporation (chapter 4). The results from chapter 5 and 6 also indicate that
bicarbonate decreased the induction time for vaterite spherulitic growth by

destabilizing ACC or promoting vaterite growth (chapter 5 and 6).

8.3 Relating the experimental results to natural calcium carbonate

formation

As shown in section 2.4, the Phanerozoic seawater composition oscillated,
which caused oscillations in the dominant calcium carbonate polymorph precipitated
during the Phanerozoic (calcite and aragonite seas, HARDIE, 1996; SANDBERG,
1983). To date, previous experimental research showed that the magnesium to
calcium ratio was the dominant factor in the oscillations between the calcite and
aragonite seas (MoRSE et al., 1997). However, the results from chapter 5 show that
sulfate in addition to the magnesium to calcium ratio can influence the primary
calcium carbonate polymorph. These results show that for calcite to form during a
calcite sea period, the magnesium to calcium ratio need to have been lower than
~0.3, in the presence of 5 mM sulfate. These values are less than the magnesium to
calcium ratios and at the lower most limit for the sulfate concentrations for the

calcite seas, inferred from fluid inclusion analyses (HORITA et al., 2002;
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LOWENSTEIN et al., 2005). Additionally, PHREEQC modelling (chapter 5) indicates
that fluid inclusion analyses (LOWENSTEIN et al., 2005) can result in Phanerozoic
seawater composition significantly different to what was inferred previously from
the fluid inclusion composition (Appendix A). The above indicates that either the
calcite and aragonite seas or the evolution of the seawater composition throughout

the Phanerozoic needs to be re-evaluated.

The solution composition in seawater throughout the Phanerozoic has also
been suggested to have influenced the evolution of biomineralizing organisms
(PORTER, 2007; PORTER, 2010). Many newly evolved organisms preferentially
crystallize the thermodynamically favourable calcium carbonate polymorph
(STANLEY, 2006; ZHURAVLEV and WooD, 2009). Organisms often utilize ACC as a
precursor to thermodynamically more stable crystalline phase to control the shape of
the crystalline products (Cusack and FREER, 2008; GOWER, 2008; MELDRUM and
COLFEN, 2008). The ACC crystallization mechanism described in chapter 5 can
represent the abiotic equivalent of the pathway by which many biomineralization
processes occur. Similar multi-step processes of ACC to calcite transformation have
already been observed in, for example, sea urchin spicules (KILLIAN et al., 2009).
However, in contrast to the transformation process described in chapter 5,
biomineralization processes often occur entirely enclosed within a membrane in the
presence of proteins and little or no free water (WEINER and DovE, 2003) and these
factors will significantly alter the transformation mechanism (MELDRUM and
COLFEN, 2008).

The presence of magnesium in solution inhibits ACC crystallization to vaterite
(chapter 6, LAM et al., 2007; RODRIGUEZ-BLANCO et al., in press). This may explain
why most biomineralization processes either produce calcite or aragonite
(LowensTAM, 1981) because of the ubiquitous presence of agueous magnesium in
modern and Phanerozoic environments (BERNER and BERNER, 1996; HORITA et al.,
2002). Sulfate has been shown to exert little influence on the mechanism of ACC
crystallization to vaterite (chapter 5 and 6). However, the presence of sulfate in
crystallizing solutions has been shown to promote the formation and enhance the
stability of vaterite (chapter 4 and 7, FERNANDEZz-DiAz et al., 2010). Thus, the
presence of sulfate could help explain the existence of several vaterite
biomineralizing organisms (LOWENSTAM, 1981; LOWENSTAM and ABBOTT, 1975;

TomAs and GEFFEN, 2003).
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Finally, the results from chapter 6 indicate that the solubility of rapidcreekite is
lower than the solubility of gypsum, however, rapidcreekite is rarely found in
natural settings (ROBERTS et al., 1986; WALENTA and DUNN, 1989). This is likely to
be caused by the low solubility of all calcium carbonate phases compared to calcium
sulfate phases, such as gypsum (FReyer and VoIGT, 2003; PLUMMER and
BUSENBERG, 1982). These results indicate that rapidcreekite might act as an
intermediate to gypsum formation in alkaline systems. Additionally, rapidcreekite is
found in nature in the presence of aragonite (ROBERTS et al., 1986; WALENTA and
DuUNN, 1989). This could be explained by the presence of magnesium in solution in
such environments, as magnesium has been shown to promote the formation of

aragonite (chapter 4) and rapidcreekite (chapter 6).

8.4 Outlook

To better understand the effect of sulfate on calcium carbonate formation and
stability, additional information on the incorporation into and adsorption of sulfate
onto all calcium carbonate polymorphs is needed. The incorporation of sulfate has
been determined to influence the stability of all anhydrous calcium carbonate phases
via a computational study (FERNANDEZz-DIAZ et al., 2010). However, information on
sulfate incorporation has only been reported previously for calcite (BUSENBERG and
PLUMMER, 1985) over a small pH range (7.1 — 7.7). Additionally, different studies
suggest that pH and alkalinity of the solution determine whether calcium carbonate
forms via the direct incorporation of carbonate (NEHRKE et al., 2007; STACK and
GRANTHAM, 2010) or the adsorption of bicarbonate followed by deprotonation
(PLUMMER et al., 1978). Because sulfate incorporation in calcite is thought to be
dependent on the sulfate to carbonate ratio (BUSENBERG and PLUMMER, 1985;
PINGITORE et al., 1995), the incorporation of sulfate into calcium carbonate phases
should depend strongly on pH and alkalinity. Furthermore, the influence of
magnesium on the incorporation of sulfate into calcite and vice versa has so far
provided an incoherent story. The results in chapter 4 show that the sulfate
incorporation decreases in the presence of magnesium. However, previous studies
suggested that the incorporation of magnesium decreases with sulfate present

(BURTON and WALTER, 1991) or that the sulfate incorporation increases in the
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presence of magnesium incorporation (TAKANO, 1985). Hence, the co-dependency
between the incorporation of sulfate and magnesium also needs to be quantified. The
effect of temperature on the incorporation (and adsorption) of sulfate also needs to
be investigated to explain the preliminary 10°C results shown in appendix A.3 in
comparison to the 21°C experiments described in chapter 4. Additionally, chapter 4
assumes that sulfate stabilizes vaterite through the incorporation of sulfate while
chapter 7 indicates that surface associated sulfate promotes the formation of vaterite

over calcite.

The above shows that additional information is needed on the effects of sulfate
on the formation and stability of vaterite, for example, a distinction between the
adsorption and incorporation of sulfate. This could be investigated by performing
similar constant addition batch experiments, as described in chapter 4, varying
solution chemistry (and temperature) and using calcium carbonate seeds to direct the
formation of the calcium carbonate phases. Mineralogical and surface sensitive
analytical techniques (e.g. XRD and X-ray photoelectron spectroscopy) combined
with solid and solution chemical analyses can then be used to extract information on
the incorporation (and adsorption) of sulfate and the effects of magnesium,

alkalinity, pH and temperature on the incorporation and adsorption.

The experiments performed at Diamond Light Source could also be extended
to look into more detail on how organisms modify ACC crystallization. Organisms
often use proteins and other organic molecules to direct the formation of crystalline
calcium carbonates (ADDADI and WEINER, 1992; AIZENBERG et al., 2001; BELCHER
et al., 1996; CusAack and FREER, 2008; Ji et al., 2010; WoLF et al., 2011). Hence,
when proteins are included in the solution composition, information could be
obtained on how the abiotic transformation mechanism and kinetics are modified
and which calcium carbonate polymorphs are then preferred. This could provide
more information on the control (or lack of control) organisms have on the
composition and structure of the biominerals they form (DicksoN, 2002; RIEs, 2004;
RIES et al., 2008). Particularly it requires in situ measurements combined with
thorough off-line mineralogical and chemical analyses of the crystalline products

formed during these experiments.

Because rapidcreekite both crystallizes and breaks down during the

experiments described in chapter 6, measuring the chemical evolution of the solution
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composition (e.g.: the calcium and sulfate concentrations and the pH) during this
multi step reaction would provide limits for the solubility of rapidcreekite. Finally,
the mechanisms of gypsum formation are not well understood. The results in chapter
6 show that when using in situ wide angle X-ray scattering techniques, information
on the formation of gypsum is obtained. This suggests crystalline calcium sulfate
phases can form via a precursor phase, similar to the formation of crystalline
calcium carbonate (e.g. GEBAUER et al., 2008). Additional, in situ measurements on
crystallization experiments under alkaline conditions, more representative of natural
environments (e.g. lower calcium and carbonate concentrations), could confirm

whether rapidcreekite can form as a precursor to gypsum in nature.
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Appendix A

Supplementary information to chapter 4

simulations

Table A.1 Table with input and output solutions from the evaporation simulations on solutions in the
concentration range from the experimental set-up, including the sea type (LOWENSTEIN et al.,
2003), the evaporite type (HARDIE, 1996) and the evaporite mineral sequence as they occur in
the simulations

Solutio Starting chemistry of modelling solutions (mM) Chemistry of invariant solutions (M)
nnr Ca Mg SO, Na Cl K DIC Ca Mg SO, Na Cl K DIC
1 10.5 2.0 5.0 535 558 10.4 247 6.84 0.55109 1.19E-05 0.0310 15.1 0.312 9.81E-05
2 10.5 2.0 8.0 541 558 104 247 6.84 0.55115 1.19E-05 0.0310 151 0.312 9.81E-05
3 10.5 2.0 10.0 545 558 104 247 0.00268 4.52 0.154 0.460 8.93 0.492 0.367
4 10.5 2.0 15.0 555 558 104 247 0.00817 0.30514 0.330 4.90 6.87 2.011 0.00715
5 10.5 5.0 5.0 529 558 10.4 246 6.84 0.55109 1.19E-05 0.0310 15.1 0.312 9.81E-05
6 10.5 5.0 8.0 535 558 10.4 246 6.84 0.55108 1.19E-05 0.0310 151 0.312 9.81E-05
7 10.5 5.0 10.0 539 558 104 2.46 0.00268 4.52 0.154 0.460 8.93 0.492 0.367
8 10.5 5.0 15.0 549 558 104 2.46 0.00268 4.52 0.154 0.460 8.93 0.492 0.367
9 105 10.0 5.0 519 558 104 245 6.84 0.55108 1.19E-05 0.0310 15.1 0.312 9.81E-05
10 10.5 10.0 8.0 525 558 104 245 6.84 0.55117 1.19E-05 0.0310 151 0.312 9.81E-05
11 105 100 10.0 529 558 104 245 0.00268 4.52 0.154 0.460 8.93 0.492 0.367
12 105 100 15.0 539 558 104 245 0.000784 6.81 0.319 0.253 9.40 0.174 1.978
13 10.5 20.0 5.0 499 558 104 243 5.22 2.54 3.94E-06 0.0190 15.6 0.0221 0.000233
14 105 20.0 8.0 505 558 104 243 5.22 2.54 3.94E-06 0.0190 15.6 0.0221 0.000233
15 105 200 10.0 509 558 104 243 0.00113 8.72 0.0467 0.0744 11.7 0.0184 2.802
16 105 200 150 519 558 104 243 0.00113 8.72 0.0467 0.0744 11.7 0.0184 2.802
Sea type* Evaporite type” Evaporite mineral sequence§
1 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
2 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
3 MgSO4 MgSO4 Cc, G, A, H, Car, Pol, Syl
4 MgSO4 MgSO4 Cc, G, A, H, Gl, Pol, Syl
5 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
6 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
7 MgS0O4 MgSO4 Cc, G, A, H, Car, Pol, Syl
8 MgS0O4 MgS0O4 Cc, G, A, H, Car, Gl, Pol, Syl
9 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
10 CaCl2 KCI Cc, G, A, H, Syl, Car, Ant
11 MgSO4 MgSO4 Cc, G, A, H, Car, Pol, Syl
12 MgS0O4 MgS0O4 Cc, G, A, H, Car, Gl, Pol, Syl, Ki
13 CaCl2 KCI Cc, G, A, H, Syl, Bi, Car, Tac
14 CaCl2 KCI Cc, G, A, H, Syl, Bi, Car, Tac
15 MgS0O4 MgSO4 Cc, G, A, H, Bi, Car, Pol, Syl
16 MgSO4 MgSO4 Cc, G, A, H, Bi, Car, Pol, Syl, Ki

* The sea type was determined from the invariant solutions where Ca>SO, represents a CaCl, type sea and Ca<SO, represents a MgSO,
type sea.

#

type is KCI and when polyhalite and/or kieserite is present the evaporite

type is MgSO, (HARDIE, 1996)
§ The evaporite mineral sequences are determined from Figure A.5 to Figure A.8; the abbreviations of the mineral phases and their chemical
formula are listed in Table A.4.

The evaporite type is determined from the evaporite mineral sequence; when sylvite is present without any MgSO4 mineral the evaporite




Table A.2 Table with input and output solutions from the evaporation simulations on solutions
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between the cretaceous and the present day chemistry as proposed by for example HORITA et al.
(2003), including the sea type (LOWENSTEIN et al., 2003), the evaporite type (HARDIE, 1996) and
the evaporite mineral sequence as they occur in the simulations

Solutio Starting chemistry of modelling solutions (mM) Chemistry of invariant solutions (M)
nnr Ca Mg SO, Na Cl K DIC Ca Mg SO, Na Cl K DIC
17 105 543 289 478 558 104 237 0.00113 8.72 0.0467 0.0744 11.7 0.0184 2.80
18 138 50.0 253 473 558 104 237 0.00113 8.72 0.0467 0.0744 11.7 0.0184 2.80
19 19.2 430 196 465 558 104 236 0.00113 8.72 0.0467 0.0744 11.7 0.0184 2.80
20 20.8 41.0 179 462 558 104 2.36 5.22 2.54 3.94E-06 0.0190 15.6 0.0221 0.000233
21 254 350 13.0 455 558 104 235 5.22 2.54 3.94E-06 0.0190 15.6 0.0221 0.000233
22 29.9 29.0 8.0 448 558 104 2.18 5.90 2.06 3.72E-06 0.0164 16.0 0.0306  0.000178

Sea type* Evaporite type” Evaporite mineral sequence§

17 MgSO4 MgS0O4 Cc, G, A, H, G, Pol, E, Hx, Ki, Car, Bi
18 MgSO4 MgSO4 Cc, G, A, H, Pol, Car, Ki, Bi
19 MgS04 MgS04 Cc, G, A, H, Syl, Car, Ki, Bi
20 CaCl2 KCI Cc, G, A, H, Syl, Car, Bi, Tac
21 CaCl2 KCI Cc, G, A, H, Syl, Car, Bi, Tac
22 CaCl2 KCI Cc, G, A, H, Syl, Bi, Car, Tac, Ant

*

#

type is KCI and when polyhalite and/or kieserite is present the evaporite
type is MgSO,4 (HARDIE, 1996)

§ The evaporite mineral sequences are determined from Figure A.10; the abbreviations of the mineral phases and their chemical formula are
listed in Table A.4.

The sea type was determined from the invariant solutions where Ca>SO, represents a CaCl, type sea and Ca<SO, represents a MgSO,
type sea.

The evaporite type is determined from the evaporite mineral sequence; when sylvite is present without any MgSO, mineral the evaporite
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Table A.3 The first 77 lines of one input file for the PHREEQC evaporation calculations
(PARKHURST and APPELO, 1999); additional lines were added to continuously remove water

from the solutions saved in the previous part from the model.

phases

Tachyhydrite

CaMg2Cl6:12H20 = Ca+2 + 2Mg+2 + 6Cl- + 12H20
log_k 17.1439

Antarcticite

CaCl2:6H20 = Ca+2 + 2CI- + 6H20

log_k 4.0933

selected_output

-water true

-distance false

-time false

-file Z:\Min-Gro\experiments\constant
addition\PHREEQC-evaporation\m2-15.xls

-totals S(6) Ca Mg K Na Cl C(4)
-equilibrium_phases halite sylvite antarcticite
bischofite tachyhydrite carnallite gypsum anhydrite
epsomite hexahydrite kieserite polyhalite
glauberite calcite

-saturation_indices halite sylvite antarcticite
bischofite tachyhydrite carnallite gypsum anhydrite
epsomite hexahydrite kieserite polyhalite
glauberite calcite

solution 1

-pH 7

-Temp 21

-water 1

reaction 1

MgCl2 2.0
Na2S04 15.0
NacCl 522.6
CaCl2 10.5

KCl 10.4
NaHCO3 2
Na2CO3 0.3
0.001
equilibrium_phases 1
halite 0 0
sylvite 0 0
antarcticite 0 0
bischofite 0 0
tachyhydrite 0 0
carnallite 0 0
gypsum 0 0
anhydrite 0 0

epsomite 0 0
hexahydrite 0 0
kieserite 0 0
polyhalite 0 0
glauberite 0 0
calcite 1 0
CO2(g) -3.412 10000

save solution 1
save equilibrium_phases 1
end

solution 2
save solution 2
end

mix 1

1 1

2 -0.1

use equilibrium_phases 1
save solution 1

save equilibrium_phases 1
end

mix 2
1 1
2 -0.09

use equilibrium_phases 1
save solution 1

save equilibrium_phases 1
end

mix 3
1 1
2 -0.0405

use equilibrium_phases 1
save solution 1

save equilibrium_phases 1
end
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Table A.4 List with possible evaporite minerals, their abbreviation as
used in Table A.1 and Table A.2 and their chemical formula.

Mineral Abbreviation Chemical formula
calcite Cc CaCO;
gypsum G CaS04+2H,0
anhydrite A CaS0O,
halite H NaCl
sylvite Syl KCI
carnallite Car KMgCl;*6H,0
antarcticite Ant CaCl,*6H,0
tachyhydrite Tac CaMg,Cls*12H,0
bischofite Bi MgCl,*6H,0
glauberite Gl Na,Ca(S0,),
polyhalite Pol K,Ca,Mg(SO4)42H,0
epsomite E MgSQ,4+7H,0
hexahydrite Hx MgSQ,4+6H,0
kieserite Ki MgSO,+H,0
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Figure A.1 The evolution of the solution from simulation runs 1-4; 2mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1).
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Figure A.2 The evolution of the solution from simulation runs 2-8; 5mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1).
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Figure A.3 The evolution of the solution from simulation runs 9-12; 10mM Mg and
a. 15mM SOg4, b. 10mM SOy, c. 8mM SO, and d. 5mM SO, (Table A.1).
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Figure A.4. The evolution of the solution from simulation runs 13-16; 20mM Mg
and a. 15mM SOy, b. 10mM SOy, c. 8mM SO, and d. 5mM SO, (Table A.1).
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Figure A.5 The evaporite sequence from simulation runs 1-4; 2mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1); note
that the colour coding for the mineral phases is not the same in each graph it is
dependent on the evaporite sequence.
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Figure A.6 The evaporite sequence from simulation runs 5-8; 5mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1); note
that the colour coding for the mineral phases is not the same in each graph it is
dependent on the evaporite sequence.
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Figure A.7 The evaporite sequence from simulation runs 9-12; 10mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1); note
that the colour coding for the mineral phases is not the same in each graph it is
dependent on the evaporite sequence.
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Figure A.8 The evaporite sequence from simulation runs 13-16; 20mM Mg and a.
15mM SOy, b. 10mM SOy, ¢. 8mM SO, and d. 5mM SO, (Table A.1); note
that the colour coding for the mineral phases is not the same in each graph it is
dependent on the evaporite sequence.
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Figure A.9 The evolution of the solution from simulation runs a: 17, b: 19, ¢: 20 and
d: 22 (Table A.2).
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Figure A.10 The evaporite sequence from simulation runs a: 17, b: 19, ¢: 20 and d:
22 (Table A.2); note that the colour coding for the mineral phases is not the
same in each graph it is dependent on the evaporite sequence.
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A.2 Unpublished Rietveld refinement results of the effect of SO, on

calcite, aragonite and vaterite lattice parameters
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Figure A.11 changes in calcite lattice parameters as a function of the concentration
of SOy in calcite
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Figure A.12 changes in aragonite lattice parameters as a function of the
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of SO, in vaterite



-190 -

A.3 Constant addition experiments at 10 °C

This appendix briefly describes the results from a set of constant addition
experiments performed at 10 °C. The experimental set-up was identical to the set-up
used in chapter 4. The solution chemistry used and the resulting polymorph
distribution are summarized in Table A.5 and the polymorph distribution is
visualized in Figure A.14 and Figure A.15. Additionally, results from preliminary
lattice parameter calculations from the Rietveld refinement on the samples are

plotted in Figure A.16 (calcite), Figure A.17 (aragonite) and Figure A.18 (vaterite).

Similar to the experiments performed at 21 °C (chapter 4), aragonite was the
dominant polymorph at high Mg/Ca. However, when the SO, concentration
increased at Mg/Ca ratios > 1, calcite precipitation increased (Figure A.14 and C.2).
Additionally, vaterite precipitated at low Mg/Ca in the presence of SO4. The field of
vaterite precipitation had increased significantly compared to the results at 21 °C
(Figure A.14). During the experiments at 10 °C only three solid samples contained a
single CaCO3; polymorph (i.e. aragonite, Figure A.14). Hence, solid chemistry
analyses would not supply information about the chemical composition on each
polymorph as done for the constant addition experiments at 21 °C (chapter 4).
However, the lattice parameters at 21 °C changed due to the incorporation of SO4
into calcite (Figure A.11) and aragonite (Figure A.12). These changes could be used
to estimate the SO, content of calcite (0.75-4 mol% SO,) and aragonite (<0.3 mol%
SO,) from the lattice parameters in Figure A.16 and Figure A.17, respectively.
These calculations indicate that the SO, incorporation into calcite was not
significantly affected by a decrease in temperature. On the other hand, the decrease
in temperature decreased the incorporation of SO, into aragonite dramatically from
about 1.1 mol% to < 0.3 mol% in the presence of 50 mM SO,.
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Table A.5 Summary of the CaCO3 mineralogy from the experiments at 10 °C

Solution chemistry as added Solid composition
SO4 (MM) Mg/Ca (mM/mM) Calcite (%) Aragonite (%)  Vaterite (%)
0 0.5 84.6 15.4 0
0 1 2.3 97.7 0
0 15 14 98.6 0
0 3 0 100 0
0 35 0 100 0
0 5 0 100 0
10 0.5 3.1 75.5 21.4
10 1 4.6 85.1 10.3
10 15 6.7 93.3 0
10 4 13.6 86.4 0
20 0 39.3 0 60.7
20 0.5 8.1 77.3 14.7
20 1 24.3 75.7 0
50 0 3.1 6.1 90.9
50 0.2 125 72.0 155
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Figure A.14 Polymorph distribution as a function of the solution chemistry for the
experiments at 10 °C; as in Figure 5.1, the closed symbols represent the
dominant CaCOj3 polymorph, the shaded area represents the area where calcite
was present in the solid phase after 48h as measured by quantitative XRD, the
grey line indicates where vaterite was present after 48h
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Figure A.16 Length of the calcite unit cell c-axis as a function of Mg/Ca in
solution; the legend refers to the aqueous concentration of SO4



-193 -

5.753 1
- = 0mM SO,
5752 e 10mMSO,
s751] ® A 20mM SO,
< ‘ [ 50 mM SO
pye 5.750 - % E ) 4
' L]
5.749 I~ x
] L} =
5.748 4

00 05 1.0 15 20 25 30 35 40 45 50 55
Mg/Ca (mM/mM)

Figure A.17 Length of the aragonite unit cell c-axis as a function of Mg/Ca in
solution; the legend refers to the aqueous concentration of SO,

4134 ~8.475
E E [ 8.470
4132 !
] [] m a(A) - 8.465
~ 4130+ [] [] = c(A £ 8.460
< - (5455 <
© 4128 i 6,450 ©
4126- -8.445
T T T T T T T T T 8.440
0.00 0.25 0.50 0.75 1.00

Mg/Ca (mM/mM)

Figure A.18 Length of the vaterite unit cell axes as a function of the Mg/Ca ratio in
solution; the legend refers to the unit cell axis



Supplementary information to chapter 5

-194 -

Appendix B

Table B.1 Summary of the PHREEQC (PARKHURST and APPELO, 1999) modelling

results, the measured pH, total calcium and total sulfate concentrations were
used as input parameters to calculate the total inorganic carbonate (TIC), the
aqueous speciation and the SI throughout the experiments

no additive

Total concentrations (mM)

Aqueous speciation (mM)

time (min)  pH Ca TIC SO,  Ca?* (€02~ HCO; S0z SI (vaterite)
1 9.5 26 30 0 20 4.0 7.3 0 2.3
2 8.5 11 18 0 9.9 0.71 12 0 1.2
5 8.2 9.2 17 0 8.7 0.36 12 0 0.89
8 8.2 8.9 16 0 84 035 12 0 0.86
10 8.2 9.0 16 0 85 035 12 0 0.87
20 8.2 8.7 16 0 82 034 12 0 0.84
30 8.2 8.5 16 0 8.0 0.32 11 0 0.81
replacement Total concentrations (mM) Aqueous speciation (mM)
time (min) pH Ca TIC SO, Ca’’ ¢ 03~ HCO; SO;~ SI (vaterite)
1 8.8 75 45 45 57 2.1 22 23 2.5
2 8.1 53 32 36 44 0.48 22 19 1.7
5 8.0 49 28 34 42 0.31 20 18 1.5
8 7.9 48 27 34 41 0.28 19 18 1.5
10 7.9 49 28 34 42 0.28 19 18 1.5
20 7.9 49 26 36 42 0.26 18 19 1.4
30 7.9 50 27 36 42 0.27 19 19 1.4
additive Total concentrations (mM) Aqueous speciation (mM)
time (min)  pH Ca TIC SO, Ca~ (0% HCO; SO2- SI (vaterite)
1 9.6 32 39 48 22 5.4 8.5 27 2.5
2 8.9 11 35 38 85 24 19 22 1.7
5 8.7 11 37 38 83 1.8 23 22 1.6
8 8.7 11 36 38 81 1.7 22 22 1.5
10 8.7 10 35 39 81 1.7 22 22 1.5
20 8.6 10 34 39 81 1.6 22 23 1.5
30 8.6 10 33 40 81 1.5 21 23 1.5




