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ABSTRACT: A number of organisms produce crystalline calcium carbonate
via a metastable precursor phase termed amorphous calcium carbonate (ACC).
ACC also forms during production of CaCO3 for industrial purposes, e.g.,
paper manufacturing and synthesis of fillers for polymers. Previous studies
suggest that the local structure of ACC controls crystallization kinetics and
pathways, i.e., the crystalline polymorph(s) that form(s) in the process. We
used pair distribution function (PDF) analysis to provide evidence that the
local structure of ACC gradually changes as the pH of the synthesis solutions is
increased from 10.6 to 12.7, at ambient conditions. These changes correlate
with the mole fraction of incorporated hydroxide ions, which varies gradually
from negligible at pH 10.6 to 0.12 at pH 12.7. At lower pH (10.5), vaterite and
calcite formed in less than 2 min, but as the pH increased, the lifetime of ACC
increased, and it transformed directly to calcite (i.e., no vaterite intermediate).
Although higher pH led to a preferable transformation into calcite with
decreasing crystal size, variations in ACC local structure cannot be linked to development of a calcite like motif, as has been
suggested. On the basis of comparing the measured vaterite PDF to a range of structural models to determine Ca−Ca distances,
we found no obvious structural similarity between vaterite and the ACC precursor either, although such analysis is complicated
by the ambiguity of the vaterite structure. Presumably, the absence of vaterite and the prolonged ACC stability with increasing
synthesis pH could indicate inhibition of crystal nucleation and growth by hydroxide ions.

1. INTRODUCTION

Amorphous calcium carbonate (ACC) frequently forms in
highly supersaturated solutions, as a precursor to crystalline
CaCO3 minerals (e.g., vaterite, calcite, monohydrocalcite). If
synthesized in the laboratory, by mixing CaCl2 and Na2CO3
solutions, this amorphous phase is often short-lived and
crystallizes within minutes. However, the addition of (in)-
organic molecules can stabilize ACC through the inhibition of
ACC dehydration and the formation of crystallization nuclei.1−6

This also explains the enhanced lifetime of biogenic ACC. For
example, almost all biogenic ACC contains Mg2+ because Mg2+

readily replaces Ca2+.2,3 Mg2+ has a higher dehydration enthalpy
than Ca2+, and thus the retention of water in Mg2+ bearing
ACC is much stronger than in pure ACC, thereby enhancing its
thermal stability and its lifetime in solution.3,7 Similarly, it has
been shown that citrate incorporation considerably inhibits
ACC dehydration in solution and during dry heating, while
citrate also acts as an inhibitor for calcite growth.5,8

Aside from the effects of additives, ACC lifetime is controlled
by the type, structural arrangement, and relative quantities of
the various hydrous components present in its structure (i.e.,
mobile vs rigid water, hydroxide ions). This has been shown by
thermogravimetric analyses on dry ACC.9,10 For example, all
the mobile water present within ACC is easily lost at
temperatures below 150 °C, whereas temperatures in excess

of 250 °C are required to remove rigid, less accessible water
and hydroxide ions. Concomitant with the dehydration process,
a structural reorganization of the ACC has been shown using
NMR analyses9 and molecular modeling,11,12 indicating the
formation of a more ordered and stable atomic network with
increasing temperature. Identical observations were made for
ACC crystallization during sea urchin spicule formation,3,13

where hydrated ACC was shown to transform to a less
disordered, less hydrated ACC and then anhydrous ACC,
before forming a crystalline CaCO3 phase. This shows that the
ACC local structure has a critical impact on its lifetime.
In addition to the structural impact on ACC stabilization,

ACC that is formed slowly at pH 9−10 is suggested to be more
stable.14,15 These materials are proposed to form by aggregation
of small ion clusters (that have been termed “prenucleation
clusters”) leading to two stable types of ACC, where pH
dependent local structures are inherited from the ion clusters
and prime the material for transformation to either vaterite or
calcite. Similarly, Günther et al. (2005)16 suggested that ACC
synthesized at 0 °C, from CO2 and solutions saturated with
Ca(OH)2, possessed a calcitic motif based on data from
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extended X-ray absorption fine structure spectroscopy and the
observation of preferential transformation to calcite. They did
not report the pH during synthesis, but earlier studies using
similar methods showed a rapid pH decrease from ∼12.3 to ∼9
during ACC precipitation by CO2 injection.

17 Thus, this ACC
could have components that resulted from growth both at
higher and lower pH. Furthermore, depending on the solution
pH when CO2 injection stopped, calcite could form exclusively
(higher pH) or form along with vaterite (lower pH). This could
indicate a link between pH, ACC local structure, and the crystal
structure of the end product.
Here, we focused on formation and crystallization of rapidly

formed ACC in the pH range from 10.6 to 12.7. For this, we
monitored the composition, local structure, and lifetime of
rapidly formed ACC as a function of the concentration of the
added base, [NaOH], at ambient conditions and determined
the crystallization pathway following ACC breakdown. In situ
spectrophotometric analyses combined with X-ray powder
diffraction and high resolution electron microscopy provided
quantitative data on the role of [NaOH] in ACC lifetime and
its crystallization kinetics. Thermogravimetric and elemental
analyses gave information about changes in ACC hydrous state
(i.e., type and distribution of hydrous components), while high
energy X-ray scattering and pair distribution function analyses
permitted identification of ACC structural changes with
increasing [NaOH]. The combined results highlight a strong
impact of hydroxide on ACC formation and crystallization in
solutions with pH > 10 at ambient conditions. This is highly
relevant for biomineral formation and also important to
consider for industrial processes, e.g., coatings and fillers,
scaling of pipes, and desalination membranes.

2. METHODS
2.1. CaCO3 Synthesis and Crystallization. A 13 mM CaCl2

solution and a number of 13 mM Na2CO3 solutions with added
NaOH (ranging from 0.01 to 0.16 M) were prepared using reagent
grade chemicals and ultrapure deionized water (MilliQ, resistivity > 18
MΩ cm−1). The pH of the carbonate solution was 11.2, while the
NaOH containing carbonate solutions had a pH of 11.8, 12.5, 12.75,
and 13 (±0.03) following the addition of 0.01, 0.04, 0.08, and 0.16 M
NaOH. ACC synthesis, and all crystallization experiments were
conducted at 25 °C.
The kinetics of ACC formation and crystallization in solution at

different initial pH, i.e., with varying [NaOH], was investigated by
monitoring the time dependent change in the solution turbidity using
UV−vis spectrophotometry following the method described in
previous work.5,18,19 This was done by adding the CaCl2 solution to
the Na2CO3 (±NaOH) solution inside a plastic cuvette placed in the
spectrophotometer (STS-UV, OceanOptics). During the measure-
ment, the solution was continuously stirred, and the absorbance (at
450 nm) was monitored at 1 s intervals. In replica experiments,
cuvettes were removed from the setup at regular time steps to
determine the nature of the precipitate by using powder X-ray

diffraction (XRD) and scanning electron microscopy (SEM). To
collect the solid portion, the samples were immediately filtered (0.2
μm polycarbonate filters) using vacuum filtration, and the solid was
rinsed with isopropanol to remove remaining water and then quickly
dried by blowing air over the solid.20 SEM and XRD data collected
from these solids were compared with the absorbance profiles, to link
changes in solution turbidity to ACC lifetime and the onset of
crystallization.

Dry ACC samples for composition and structure characterization
(with techniques detailed in Section 2.2) were prepared by mixing
larger volumes of the calcium and carbonate solution (±NaOH)
followed by vacuum filtration and fast drying as described above. For
all tested solutions, this filtration process was completed within 30 s of
mixing. For comparative structural analyses, two ACC samples were
also synthesized following Methods I and II, described by Michel et al.
(2008)21 and a sample of Ca(OH)2 was produced by mixing equal
volumes of a 50 mM CaCl2 and 50 mM NaOH solution, followed by
vacuum filtration and rinsing with isopropanol.

The saturation indices for ACC and calcite were determined using
the hydrogeochemical code PHREEQC22 using the minteq.v4
database23,24 and the solubility products for pure ACC,25 vaterite,
and calcite.26 The saturation index, SI, is defined here as SI = log(IAP/
Ksp), with IAP and Ksp being the ion activity product and
thermodynamic solubility product.

2.2. CaCO3 Characterization. 2.2.1. Pair Distribution Function
(PDF) Analyses. The local atomic structure of ACC, which is formed
in the presence of a range of [NaOH], was probed using synchrotron
PDF analyses at beamline 11-D-B (58.6 keV, λ = 0.2114 Å) at the
Advanced Photon Source, Argonne National Laboratory, USA. Dry
ACC samples were measured in Kapton capillaries for 5 min, and an
empty capillary, to serve for background correction, was measured
prior to the sample. Two-dimensional (2D) data measured using a
∼40 × 40 cm amorphous Si 2D detector (Perkin-Elmer) were
azimuthal integrated and polarization corrected to 1D scattering
patterns using the software Fit-2D.27,28 PDFs were obtained from the
scattering patterns using PDFGETX2.29,30 Standard data processing in
PDFGETX2, which includes background subtraction, normalization,
and corrections for angular dependent nonlinear detector efficiency
and incoherent scattering, was conducted as described previously in
Tobler et al. (2015).5 Because the reduced scattering structure
function, F(Q), i.e., Q[S(Q) − 1], contained spikes at Q > 21.5 Å−1,
the Fourier transform included data only to Qmax = 21.3 Å−1. This
value is similar to that used in other PDF studies of ACC.10,31,32

Fitting of the PDFs was conducted with PDFgui33 using structural
data for calcite34 and Ca(OH)2.

35 For vaterite, several structural
models were fitted to the data (details in Supporting Information).
The instrument dampening factor was determined to be 0.047 by
refining PDFs measured on synthetic calcite with crystal size of 1−10
um, precipitated from Na2CO3 and CaCl2 and aged in solution for 1
day. The structural parameters were fitted sequentially: (1) scaling,
size of coherently scattering domains (assumed spherical) and
correlated atomic movement (δ2), (2) unit cell dimensions, and (3)
atomic isotropic displacement parameters. Optimization of the atomic
positions was attempted, but it often resulted in unrealistic distance for
C−O of the carbonate group.

2.2.2. Thermogravimetric Analyses (TGA) and Differential
Scanning Calorimetry (DSC). The water content of ACC was

Table 1. Solution pH Measurements and Data from PHREEQC and XRD Analyses

mixed solution pH
activity of aqueous species

(× 103 M) saturation index, SI

NaOH (mM) ACC formation (t = 0 s) end of ACC crystallization CaCO3 Ca(OH)+ sum ACC calcite XRD fwhm (2θ)a

0 10.56 10.46 3.3 0.01 3.3 0.75 2.81 0.054 ± 0.017
10 11.60 11.61 3.3 0.13 3.4 0.75 2.81 0.061 ± 0.009
40 12.15 12.17 2.8 0.45 3.3 0.69 2.75 0.098 ± 0.008
80 12.45 12.47 2.4 0.80 3.2 0.61 2.67 0.137 ± 0.004
160 12.74 12.70 1.7 1.3 3.0 0.47 2.54 0.204 ± 0.025

afwhm measured for the three crystallographic directions (012), (104), and (110) and then averaged.
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determined using TGA (Netzsch TG 209 F1 Libra), where samples
were heated at a rate of 10 °C min−1 from 30 to 800 °C in a N2
atmosphere. ACC samples were also analyzed using DSC (Netzsch
DSC 214 Polyma) to determine the crystallization temperature for
ACC transformation to calcite. For this, ACC samples were heated
from 30 to 500 °C in a N2 atmosphere at the same rate as for TGA
measurements (10 °C min−1).
2.2.3. X-ray Diffraction (XRD) and Scanning Electron Microscopy

(SEM). CaCO3 polymorphs were identified by XRD (Bruker D8
Advance Da Vinci, Co Kα radiation, 0.02° step−1 from 10 to 70° in 2θ
at 1° min−1) and imaged by SEM (FEI Quanta 3D). The dry samples
were prepared as described above. To get an estimate of the calcite
crystallite size at the end of ACC crystallization, the full width at half-
maximum (fwhm) of three crystallographic directions (012), (104),
and (110) was determined in 2θ and averaged. For SEM, the sample
was placed on an aluminum SEM stub with sticky carbon tape and
imaged in high vacuum with a 2−10 kV electron beam.

3. RESULTS AND DISCUSSION

3.1. ACC Crystallization. The addition of calcium solution
to the carbonate solution containing NaOH (where concen-
tration ranged from 0 to 160 mM) yielded an instantaneous
drop in pH to values between 10.6 and 12.7, depending on
initial [NaOH] (Table 1). The time dependent change in
solution absorbance (i.e., turbidity) resulting from mixing the
calcium and carbonate solutions is shown in Figure 1A. The
nature of the precipitates was probed with XRD and SEM in
replicate experiments that were terminated at the time of
interest. Under all tested conditions, ACC formed immediately
upon solution mixing, at t = 0 s, as shown by the rapid increase
in turbidity (Figure 1A). ACC formation was fastest in the
solution without added NaOH (pure system), while increasing
[NaOH] lowered the precipitation rate, illustrated by the
decrease in total turbidity and a slight decrease in the rate of
turbidity increase. This fits well with results from PHREEQC
calculations, suggesting that ACC saturation indices decrease
with increasing amounts of NaOH as a result of formation of

Ca(OH)+ solution complexes (Table 1). Note that the ACC
Ksp used here25 was derived at pH 10−11 and likely does not
account for any small structural and/or compositional changes
that might occur in ACC formed in solutions with added
NaOH. At 0 mM NaOH, the ACC lifetime (time until onset of
ACC crystallization, tcryst, Figure 1A) was shortest, and
crystallization to vaterite and calcite started after 50 s. As
[NaOH] increased, ACC lifetime steadily increased, reaching
approximately 6 min in the experiment with 160 mM NaOH
(Figure 1B). In these systems, the onset of CaCO3
crystallization was marked by a sudden increase in turbidity
to a peak value similar to what has been observed in
experiments with citrate.5 This maximum turbidity itself
denotes the end of ACC transformation to crystalline CaCO3
(verified by SEM and XRD), and it was completed within 30−
40 s under all tested conditions. Vaterite formed as an
intermediate phase in the pure system (0 mM NaOH), while in
systems with added [NaOH], this phase was undetectable, and
only calcite was observed following ACC dissolution.
A decrease in turbidity followed the period of ACC

transformation to crystalline CaCO3 (Figure 1A), which is
explained by the settling of larger crystals and/or aggregates
(Figure 1C) that could not stay in suspension at the chosen
stirring rate. This turbidity dip is most significant for the pure
system and then decreases in magnitude with increasing
[NaOH]. As a result, the highest final turbidity (∼1.2) was
observed in systems with 160 mM NaOH (Figure 1A). This
agrees well with the observation that smaller and thereby lighter
crystals formed at higher [NaOH] (Figure 1C).
Another trend we observed was that during the ACC stage

(prior to tcryst, Figure 1A), turbidity first increases to a
maximum and then gradually decreases until crystallization is
observed. While the timing of the maximum ACC turbidity is
less affected by [NaOH], the time for the following decrease in
turbidity linearly increases with increasing [NaOH]. In our
previous study on citrate effects on ACC formation and

Figure 1. (A) Turbidity as a function of time after mixing two solutions of 13 mM CaCl2 and 13 mM Na2CO3, with increasing amounts of NaOH
added to the Na2CO3 solution prior to mixing. The dashed lines mark the ACC lifetime, i.e., the onset of ACC transformation to crystalline CaCO3
phases (tcryst), as confirmed by XRD analyses. (B) ACC lifetime as a function of initial [NaOH]. (C) SEM images of calcite formed after 2 h in the
crystallization experiments. The scale bar is 1 um for all images.
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crystallization,5 we made similar observations, and we suggested
this decrease in turbidity could be the result of ACC
dehydration prior the onset of crystalline CaCO3 formation.
Settling processes could equally lead to a decrease in turbidity,
but this is unlikely in this setup, because the solutions are
stirred well enough to keep the hydrous ACC nanoparticles in
suspension. A process that we cannot entirely rule out is that
ACC particles aggregate, thereby affecting turbidity profiles.
This could also explain the increased fluctuations in turbidity
readout seen prior to ACC crystallization (Figure 1A).
Regardless of the process(es) that result in this decrease in
turbidity prior to tcryst, increasing [NaOH] clearly delays ACC
crystallization to calcite.
SEM observation of the crystalline CaCO3 phases showed a

profound influence of [NaOH] on crystal size and morphology
(Figure 1C). In the pure system (no added NaOH), both
vaterite and calcite were observed immediately after the
disappearance of ACC. In solutions left for 2 h, only calcite
remained, and SEM images showed rhombohedral crystals as
imbricated twin clusters (Figure 1C). In systems where NaOH
was added, no vaterite was detected, not even immediately after
the loss of ACC, and only calcite formed. At 10 mM NaOH,
the calcite crystals were rhombohedral and twinned, as in the
pure system, but the number of individual crystals within a
particle was higher and the crystals were generally smaller. With
further increase in [NaOH], both the particle and nanocrystal
dimension further decreased, with particles becoming more
elongated (Figure 1C). The crystallite sizes, approximated by
the average fwhm of three different crystallographic XRD
reflections (assuming unstrained crystals, Table 1), also
decreased with increasing [NaOH]. This gradual change in
crystal shape and size clearly shows that calcite growth was
distinctly affected by the addition of NaOH, consistent with
results on calcite growth at high pH.36

Intergrown crystals, as observed here, are frequently
described in studies of the crystallization of poorly ordered
precursors.5,37−39 They are explained to be the result of
spherulitic growth, a nucleation controlled process, where new
nuclei continuously form on the surface of the growing
spherulite but with no structural relationship between the
preexisting and the new particles.40,41 This nucleation
controlled growth process is driven by the high supersaturation
levels that build up as the amorphous phase dissolves, i.e., SI >
2−3 in the CaCO3 system.42,43 This fosters a lower nucleation
barrier44 and a high driving force for crystallization, promoting
a continuous growth front nucleation process that controls
spherulitic growth. With increasing [NaOH], the particle and
crystallite sizes decreased, consistent with other reports of
growth inhibitor activity (e.g., citrate) resulting in a smaller

crystal size as a result of more frequent nucleation compared to
the rate of crystal growth.5,45

3.2. ACC Composition. Thermogravimetric analyses
(TGA) of dry ACC samples showed little difference in their
total weight loss as a result of heating to 800 °C (Table 2). This
indicates that even if the ACC composition changed as a result
of increasing [NaOH], TGA cannot provide a quantitative
measure of it. Yet, the TGA and DSC profiles revealed some
clear differences in ACC thermal stability as a function of
[NaOH] in the formation solution (Figure 2). The initial rapid

decrease of mobile water as temperature approached ∼100 °C
was identical, but the rate of water loss during the second major
weight loss differed, as did the crystallization temperature, Tc,
which increased as [NaOH] increased (arrows, Figure 2). The
fastest weight loss was observed in the pure system, where ACC
transformation to calcite was complete at 162 °C. In contrast,
for ACC formed in systems with added NaOH, the weight loss

Table 2. Data from Elemental, TGA, and DSC Analysesa

elemental analysis (wt %)b molar unitsb wt %c

NaOH (mM) C H H2O OH− H2O OH− Tc (°C) TGA (wt %) 30−450 °C

0 10.0 ± 0.38 1.88 ± 0.28 1.14 −0.011d 17.1 162 19.2
10 9.73 ± 0.19 1.99 ± 0.13 1.18 0.020 17.6 0.6 185 18.1
40 9.35 ± 0.09 2.14 ± 0.04 1.23 0.060 18.4 1.7 231−333 18.5
80 9.21 ± 0.03 2.12 ± 0.04 1.17 0.088 17.8 2.5 245−336 18.5
160 9.05 ± 0.04 2.11 ± 0.03 1.12 0.117 17.2 3.4 335 18.1

awt % = percentage weight loss. bUncertainty corresponds to one standard deviation from analyses of three separate ACC samples, synthesized on
different days. cCalculated from C and H wt % loss obtained from element analyses. dNegative value likely resulting from large uncertainty in C & H
analyses for the 0 mM NaOH experiment

Figure 2. TGA and DSC data for ACC particles formed in the
presence of 0−160 mM NaOH. TGA profiles (dotted lines) show
gradual weight loss as a function of increasing temperature. DSC
profiles (solid lines) show heat flow, with arrows marking the
temperature where transformation to calcite occurred, i.e., the
crystallization temperature (Tc).
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was more gradual, e.g., continuing to 336 °C for the solution
containing 160 mM NaOH, before transforming to calcite. This
is also shown by the exothermic peaks in the DSC profile
(arrows in Figure 2). For ACC formed in 0, 10, and 160 mM
NaOH, the DSC profiles show a single peak for crystallization,
suggesting that these materials are a homogeneous solid
solution. Conversely, at least two peaks develop in the DSC
for ACC formed at 40 and 80 mM NaOH (pH 12.15 and
12.45, Table 1), similar to what was observed by Schmidt et al.
(2014)10 for samples synthesized at pH 12.2 and 12.4. This
indicates that ACC particles precipitated at intermediate NaOH
concentrations have heterogeneities that result in variable
crystallization temperature. It is interesting that the low
temperature peak(s) move(s) gradually to higher temperature
as [NaOH] changes from 0 to 160 mM, whereas the higher
temperature peak for crystallization appears at an almost
identical temperature, 335 °C, for ACC formed with 40−160
mM NaOH. This temperature is very similar to that observed
in several studies for ACC precipitated at higher pH.10,31,46,47

The reasons for the heterogeneities indicated by DSC for 40
and 80 mM ACC are unknown, but it is striking that it occurs
over a relatively narrow pH interval, 12.15−12.45, both here
and in Schmidt et al. (2014).10

The higher thermal stability of ACC formed in solutions with
higher [NaOH] has been reported in previous studies,10,46,48

and ACC crystallization becomes increasingly exothermic with
increasing [NaOH] in the synthesis solution. Schmidt et al.
(2014)10 argued that this different behavior likely results from
differing populations of hydrous components, i.e., mobile water
vs rigid water vs hydroxide, which then affects ACC
dehydration rates and crystallization temperatures. They also
showed that there is hydroxide and likely some trapped H2O

(inaccessible to the atmosphere) in ACC, which persist until
higher temperatures, i.e., 270−400 °C. Schmidt et al. (2014)10

pointed out that such composition changes must be linked to
structural differences to cause such variations in thermal
stability, but they could not find any evidence for this in their
data set.
An alternative method to determine changes in ACC

composition is to combust dry ACC samples (at 900 °C)
and quantify the mass of the combustion products, i.e., C and H
(Table 2). For the pure system, 10.0 wt % C loss corresponds
to inorganic C from carbonate and 1.9 wt % H loss, to water
and potentially some hydroxyl. With an increase in [NaOH] in
the synthesis solution, a decrease in C (wt %) loss was
observed, while the H wt % loss remained at 2.0−2.1, within
experimental error (Table 2). We argue that such changes are
consistent with a gradual replacement of carbonate by hydroxyl
in ACC, with an increase in [NaOH]. Assuming the ACC
molecular formula to be Ca(CO3)(1−x)(OH)2x·yH2O, we can
calculate the molar units for water and hydroxyl (Table 2). The
water content is less affected by the addition of NaOH. In
contrast, the hydroxyl component clearly increases with
[NaOH], reaching a value of about 0.12 at [NaOH] = 160
mM, which corresponds reasonably well with the H fraction
associated with hydroxyls of 7 ± 3% reported in Michel et al.
(2008).21 This supports the increased thermal stability of ACC
observed with TGA and DSC. Although Kojima et al. (1993)48

observed the replacement of carbonate by hydroxide ions in
ACC, this was for material synthesized at pH 13.5−14. We
argue here that carbonate replacement by hydroxide already
plays an important role at lower pH, i.e., lower [NaOH],
leading to higher stability during heating. The negative value
calculated for the OH− content in the 0 mM NaOH experiment

Figure 3. (A) F(Q) = Q[S(Q) − 1] and (B) PDFs measured for ACC formed at various [NaOH] and using the two high pH synthesis methods
reported by Michel et al. (2008),21 along with patterns for synthesized crystalline Ca(OH)2, calcite and vaterite. (C) Zoom of the PDFs for ACC
formed at various [NaOH] at r values from 3.3 to 4.8 Å, where similar trends with [NaOH] are observed in two sets of replica experiments. In B and
C, the dotted line represents the r value, where the ΔACC peak develops at higher pH; the solid, fine lines denote the Ca−Ca interatomic distances
in calcite, and the shaded area gives the dominant Ca−Ca distances in vaterite. (D) Intensity changes of the ΔACC peak for the two data sets in C as
a function of the hydroxyl content from elemental analysis. Changes in peak intensity were determined from fitting a Gaussian function to the peak
in the differential PDFs (Figure 5S). Full symbols represent data with maximum Q of 21.3 Å−1 and empty symbols, maximum Q of 24 Å−1.
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could indicate the presence of bicarbonate in the solid.
However, bicarbonate is thought to take part only in calcium
carbonate nucleation reactions at near neutral pH.49 For
example, titration experiments by Gebauer et al.15 showed that
Ca2+ associates with the carbonate ions at pH 9−10. This is also
consistent with PHREEQC calculations that show preferential
bonding of Ca2+ and CO3

2−, rather than to HCO3
−, for the 0

mM NaOH experiment (pH 10.6), i.e., the molar ratio of
[CaCO3(aq)]/[CaHCO3

+
(aq)] ≈ 130. Consequently, we ascribe

the negative value to analytical uncertainty.
3.3. ACC Atomic Structure. Synchrotron X-ray scattering

of ACC formed at various [NaOH] produced very similar
scattering F(Q) (= Q[S(Q) − 1]) and PDF patterns (Figure
3A,B), and they match those reported in previous studies on
ACC.5,10,21,31,32 In the ACC PDFs, the well defined peaks at 1.3
and 2.4 Å stem from the C-O distance in carbonate and the first
neighbor Ca-O atom pairs, while the broader peaks at ∼4 and 6
Å largely reflect atom pairs containing the more electron dense
Ca, i.e., in Ca−Ca, Ca−O, and Ca-C.21 However, the patterns
show some variation with [NaOH] (all profiles were
normalized to have matching intensity for the Ca-O peak at
2.4 Å). The most pronounced variation is at ∼3.7 Å, where a
peak forms and grows as a result of increasing [NaOH]
(henceforth termed the ΔACC peak), whereas the intensity of
the peak at r = 4.1 Å decreases slightly (Figure 3C). In
agreement with variations in the PDFs, small, gradual changes
are also observed in the F(Q) pattern where the intensity of the
peak at Q = 5.5 Å−1 varies. Detailed inspection of the data in
Schmidt et al. (2014) also reveals pH dependent variation in
the PDF at ∼3.7 Å and the F(Q) at Q = 5.5 Å−1. Furthermore,
the PDFs measured by Michel et al.21 and for our ACC
synthesized with 0.3 M NaOH also features a peak at ∼3.7 Å.
To quantify the intensity variations between the scattering

patterns resulting from varying [NaOH], differential PDFs were
calculated by subtracting the PDF of the sample produced
without NaOH from the ones obtained on ACC synthesized in
the presence of NaOH, after intensity normalization of the
patterns according to the intensity for the 2.4 Å peak. This
normalization assumes that the coordination number for Ca
does not differ between the samples in any significant way. This
is a reasonable assumption given that the position and shape of
the major Ca−O peak is virtually unaffected by changes in
[NaOH]. Subsequently, the ΔACC peaks in the differential
PDFs were fitted with Gaussian functions to obtain peak
positions and intensities, heights, and widths (Figure S2). The
derived peak heights increase with the OH content from the
elemental analysis (Figure 3D), consistent with structural
changes that depend on the hydroxyl content of the ACC.
Furthermore, the full width at half-maximum is comparable
with that of the Ca−O peak in calcite, indicating that the
ΔACC peak represents a well defined interatomic distance. To
probe if the magnitude of the ΔACC peak depended on the Q
value chosen for truncation during Fourier transform, the PDFs
were also generated using a maximum Q of 24 Å−1. The
resulting PDFs were more noisy because of the spikes in the
F(Q), but the same trend, i.e., increasing ΔACC peak with
increasing [NaOH], is observed (Figure 3D; empty symbols).
Inspection of the interatomic distances predicted by

structural models of calcium carbonates shows that the
ΔACC peak is positioned within the range of r values, where
the crystalline solids, calcite, vaterite, and monohydrocalcite,
have electron dense pairs of first neighbor Ca−Ca, as well as
second neighbor Ca−O from correlated positions of Ca and the

more distant O atoms of carbonate. This means that the ΔACC
peak could have contributions from both types of pairs. To
produce well defined, correlated positions of second neighbor
Ca−O however, the O atoms would have to be held in place by
a structure that also includes two or more rigidly positioned,
electron dense, Ca atoms. Because no other peaks appear in the
ACC as [NaOH] increases, we conclude that the intensity of
the ΔACC peak must have significant contributions from Ca−
Ca pairs.
One potential explanation for the observed changes in the

PDFs with increasing [NaOH] could be that smaller amounts
of Ca hydroxide form, either as a material with a crystal size of
only 2−3 nanometers or as an amorphous material. However,
PHREEQC calculations indicate that Ca(OH)2 (portlandite) is
undersaturated prior to ACC formation at all mixing ratios of
the calcium- and carbonate-bearing solution, even at the highest
[NaOH] (SI = −0.09 to −1.1 for ACC showing the ΔACC
peak; Figure 4S). The calculated solubility in PHREEQC is for
a crystalline solid, and we would expect the solubility for a
potentially nanocrystallline or amorphous Ca(OH)2 to be
lower. Furthermore, the second most intense Bragg reflection
for portlandite, positioned at Q = 1.28 Å−1, is absent in the
F(Q) for the ACC. Finally, the position of the ΔACC peak at
∼3.7 Å is slightly shifted compared to the 3.6 Å Ca−Ca
distance in the synthesized portlandite, derived from structural
fitting of the measured PDF (Figure 3B). The portlandite PDF
also shows peaks at high r values, and these we do not see in
the ACC PDFs. Thus, we conclude that the ΔACC peak
cannot be explained by the presence of Ca-hydroxide, but
rather by an increase in hydroxyl groups incorporated into the
ACC, in agreement with elemental analyses and TGA.
Given that the r value of the ΔACC peak is similar to the

Ca−Ca distance in portlandite, we propose that it reflects the
interatomic distance of two edge sharing Ca atoms bridged by
at least one hydroxyl, which would resemble the structural
motif in portlandite. On the basis of the structure by
Swainson,50 a similar motif is also present in monohydrocalcite,
where two Ca atoms sharing an oxygen in a carbonate ion and
in water give rise to Ca−Ca distances of 3.85 Å. In
monohydrocalcite, the carbonate group coordinates bidentately
to Ca, whereas nuclear magnetic resonance spectroscopy
indicates that such coordination is uncommon in ACC formed
at higher pH.21 Thus, we propose that the structural motif that
gives rise to the ΔACC peak reflects edge sharing Ca atoms
bridged by hydroxyl and monodentately coordinated carbonate.
Recently, it has been proposed that several types of ACC

exist and that some of these types have pH dependent local
structure that determines the identity of their transformation
product.31,51 When aged in their synthesis solution, we observe
that ACC with a clear ΔACC peak transforms to calcite
without any sign of intermediate formation of vaterite (Section
3.1). Conversely, the ACC synthesized without added NaOH,
which shows only a minor ΔACC peak, produced intermediate
vaterite during crystallization. These observations could
indicate that the local structure of the ACC plays a role in
determining the identity of the transformation product. If so,
we would expect a structural similarity between the types of
ACC and their transformation product, which would give rise
to common features in their PDFs.
In calcite, the first shell Ca to Ca distance is ∼4 Å, reflecting

Ca octahedra that share a corner O atom in one carbonate
group and are bridged by another carbonate group. The second
shell Ca is at ∼5 Å and stems from Ca octahedra that are
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bridged by two carbonate groups of different orientation. Figure
3b shows the PDF measured for calcite aged hydrothermally at
200 °C for 27 days.52 The figure also shows the Ca−Ca
distances derived from fitting the calcite structure34 to the data.
Comparison of these Ca−Ca interatomic distances with the
PDFs for ACC shows that the measured peak intensity
decreases at the r value of ∼4 Å with increasing [NaOH],
whereas the one at ∼5 Å is virtually unaffected by [NaOH].
Feasibly, the opposite intensity changes at r ≈ 3.7 Å and 4 Å
indicate an increase in the proportion of edge sharing Ca
polyhedra at the expense of corner sharing Ca. In conclusion,
there is no indication for the appearance of a calcite-like motif
in the synthesized ACC as [NaOH] increases.
The structure of the metastable CaCO3 polymorph, vaterite,

is not as well understood as that of calcite, in spite of it being
widely investigated.53,54 It is generally accepted that vaterite is
composed of layers of Ca separated by layers of carbonate
groups oriented perpendicular to the Ca plane. Recently, it has
been proposed, based on ab initio modeling, that vaterite is
probably a group of structures with only minor variation in
structure and stability.53 Furthermore, high resolution trans-
mission electron microscopy (TEM) has shown that structural
domains, with dimensions of a few nanometers, can exist within
a “single crystal” of vaterite.54 In the material, the organization
of the Ca layers of these domains matched, giving rise to a
pseudoepitaxial relationship between the domains. This would
modify the PDF compared with the pattern for a true single
crystal or for a material composed of two separate crystalline
phases. Thus, on the basis of the TEM studies, we expect a fit of
the structural models of vaterite to the measured PDF to be less
than optimal, giving only a range of possible Ca−Ca distances
in the material.
The results of the fitting are presented in Table 3S for all

published structures. Notably, the modeled structures by Wang
and Becker (2009)55 and Demichelis et al. (2013, 2012)53,56

gave markedly better fit to the data (Figure 6S), although the
weighted residual, Rw, remained rather high (0.243 and above)
with the constraints imposed on the fitting. Common to all the
models is that the Ca−Ca distance across layers is ∼4.2 Å,
reflecting Ca polyhedra that share an oxygen and are bridged by
a carbonate. Within the Ca layer, several bonding environments
exist in the better fitting modeled structures: octahedra sharing
edges have Ca−Ca distances of 3.7−4.1 Å, those that share an
O and are bridged by carbonate have Ca−Ca distances of 4.0−
4.3 Å, and those that are bridged by two carbonate groups are
separated by 4.4−4.5 Å. Calculations of the contribution of the
variably spaced Ca−Ca atomic pairs to the PDF (Figure 6S)
shows that pairs at ∼3.9 and at ∼4.2 are particularly abundant
and that more distant shells of Ca−Ca are located at ∼6 Å.
Comparison of these distances with the ACC PDFs (gray
shaded areas in Figure 3B,C) shows that most Ca−Ca distances
in the modeled structures are placed at r values where little or
no change occurs to the ACC PDF as synthesis pH changes.
Thus, we conclude that the most common structural motifs in
the fitted vaterite structures result in Ca−Ca distances that
differ from the r values where we observe pH dependent
changes in the ACC PDF. However, the less abundant motifs
found in the model of Wang and Becker (2009)55 and the Cc
and P3121 models of Demichelis et al. (2012, 2013)53,56 have
Ca−Ca distances of about 4.1 Å. These distances correspond to
a higher peak intensity in the PDF for the low pH, vaterite
forming ACC. Thus, we cannot fully exclude that these ACC
variants might be structurally primed for vaterite formation.

4. CONCLUSIONS
The presence of NaOH during CaCO3 crystallization in highly
supersaturated solutions (Table 1) results in the formation of
ACC with composition and structure that is different than ACC
formed from a pure system at 10.6 pH. With increased
[NaOH], i.e., pH, the ACC lifetime before transformation to a
crystalline phase is extended (Figure 1) and thermal stability
during dry heating increases (Figure 2). This is linked to an
increase in hydroxide incorporation into ACC (Table 2), which
is mirrored in atomic scale changes in ACC structure (Figure
3).
ACC transformation to crystalline CaCO3 polymorphs is

similarly affected by increased NaOH. Vaterite forms as
intermediate phase prior calcite crystallization when NaOH is
absent, whereas ACC directly transforms to calcite in solutions
with high NaOH concentration. Variations seen in ACC atomic
scale structure cannot be linked directly to this preferred
transformation to calcite. Instead, ACC variants formed in
solutions with increasing [NaOH] are structurally more primed
for vaterite formation than calcite. This suggests that ACC
transformation pathways under the tested conditions are not
controlled by its structural motif. Under all tested conditions,
calcite crystallization occurred via spherulitic growth leading to
imbricated crystal morphologies. A clear decrease in particle
and crystal size correlates with increasing concentrations of
NaOH (Figure 1C), showing that increasing hydroxide
presence distinctly affects calcite nucleation and growth. This
in turn could be a reason why vaterite formation is inhibited.
While these results are directly applicable to the under-

standing of early stage biomineralisation processes occurring in
alkaline carbonate precipitating waters, e.g., cyanobacterial
precipitation of calcite and magnesite57 and microbialites,58

these findings contribute to optimizing industrial CaCO3
synthesis in alkaline solutions (e.g., using dissolved Ca(OH)2).
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(58) Loṕez-García, P.; Kazmierczak, J.; Benzerara, K.; Kempe, S.;
Guyot, F.; Moreira, D. Extremophiles 2005, 9, 263−274.

Crystal Growth & Design Article

DOI: 10.1021/acs.cgd.6b00630
Cryst. Growth Des. 2016, 16, 4500−4508

4508

http://dx.doi.org/10.1021/acs.cgd.6b00630

