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ABSTRACT: Magnesium and sulfate are each known to affect
calcite growth and dissolution, but little is known about their
combined effects on calcite growth rates. We grew calcite using
the constant composition approach at ambient conditions,
monitoring inhibition in solutions of Mg2+ and SO4

2−

individually and together. The growth rate for pure calcite
averaged 4.35 × 10−6 mol m−2 s−1 but decreased to 0.34, 0.16,
and 0.08 × 10−6 mol m−2 s−1 in solutions with 40 mM of
SO4

2−, 13.3 mM of Mg2+, and 12.7 mM of MgSO4. We
characterized the crystal form with scanning electron
microscopy and atomic force microscopy. The {101̅0} crystal
surface developed as the foreign ion concentration increased in
the order SO4

2− < Mg2+ < MgSO4. Powder X-ray diffraction and X-ray photoelectron spectroscopy showed Mg incorporation of
as much as 9.2 mol %. Mg2+ inhibits calcite growth more effectively when SO4

2− is also present, which we interpret to be the
result of MgSO4 ion pair formation. Sulfate promotes Mg2+ dehydration, thereby allowing calcite uptake at lower temperatures.
These results improve general understanding about the controls on biomineralisation and imply a need for re-examining the
validity of the Mg/Ca thermometer, which uses the Mg composition in foraminifer for interpreting ancient seawater
temperatures.

■ INTRODUCTION

Calcite is found in nearly all low temperature (<50 °C) natural
systems.1,2 It is common as a biomineral,3−5 such as in
coccolithophores and foraminifera. Carbonate rocks often form
from biogenically produced calcite fragments and are often
porous, making them common as aquifers for groundwater and
reservoirs for gas and oil. Controlling the rates of calcite growth
and dissolution is of interest in applications such as the
properties of cement, preventing scaling in pipes and
manufacture of particles used for pigments, paper, and
pharmaceuticals.
It has long been known that calcite readily takes up trace

elements such as F−, Mn2+, Co2+, Ni2+, Zn2+, Se2−, Sr2+, Cd2+,
Ba2+, Eu3+, and UO2

2+.6−18 The affinity for calcite of many of
these elements has been studied individually, but surprisingly
little is known about competition or enhancement when
multiple ions are present. Trace element immobilization is a
benefit for waste storage and for remediation of contaminated
soil and water in the environment. Adsorption and incorpo-
ration of trace ions and organic compounds on and in calcite
can influence rates of growth and dissolution,19−22 local ion
transport,23 crystal form,24,25 and surface free energy, i.e.,
wettability.26−29 In particular, tuning the wettability of mineral
surfaces, such as it long has been used for ore mineral
separation, is a promising approach for enhancing oil recovery
(EOR). When pore surfaces are made more water wet, oil
production increases.28 Many researchers have studied the role
of the common seawater ions Mg2+, Ca2+, Na+, K+, and SO4

2−,

for controlling wettability in sandstone and carbonate
rocks.27,30−35

The behavior of Mg2+ and SO4
2− in carbonate rocks is

particularly interesting because they are common divalent ions
in seawater. Many studies have evaluated the effect of either
Mg2+ or SO4

2− adsorption. They have been shown to decrease
the rates of CaCO3 nucleation and growth, and they modify the
crystal form and surface properties.36−39 The presence of Mg2+,
particularly when [Mg2+]aq > [Ca2+]aq, determines which
CaCO3 polymorph dominates, promoting aragonite instead of
calcite.19,29,36,39−43 The inhibition of growth has been explained
to result from blocked growth sites,44,45 from a change in the
saturation state41 and from modified structural instability
because of adsorbed foreign ions.21 In general, the higher the
temperature, the greater the incorporation of Mg2+,40,46,47 and
this relationship is used as a proxy for interpreting ancient
seawater temperature and salinity.48−50

A number of authors have studied the combined effect of
Mg2+ and SO4

2−. Experimental work by Sjöbjerg38 and later
Gledhill and Morse51 revealed that both ions decrease the
dissolution rate to a higher degree than Mg2+ only. Likewise
Mucci et al.52 found that growth rates for calcite decreased in
artificial seawater (ASW) compared with behavior in ASW
without SO4

2−. When CaCO3 nucleates from solutions with
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Mg2+ and SO4
2−, the induction time increases53 and causes

severe modifications in crystal forms.42,54,55 Calcite composi-
tion also changed in the presence of these two ions, but reports
are contradictory. Both Kralj et al.42 and Falini et al.56 reported
that the amount of Mg that is structurally incorporated into
calcite was enhanced by SO4

2−, but Mucci et al.52 reported the
opposite effect for calcite in ASW. Experimental work so far has
been conducted using solution mixing and constant addition
approaches, where the initial conditions have been far from
equilibrium. Thus, the reaction rates and the influence of trace
elements on crystal properties from these studies do not
represent most systems in nature. Experiments to investigate
the effect of pore fluid composition on the release of oil showed
that pore surfaces in limestone became more water wet,
especially at temperatures >70 °C, when both Mg2+ and SO4

2−

were present.27 Molecular modeling by Sakuma et al.29

explained why. Mg substitution for Ca in calcite is favored
when SO4

2− is also present, leading to a more water wet surface.
We wanted to experimentally test the results of Sakuma et

al.29 For this purpose we used a constant composition

approach, where pH and saturation index (SI) were held
constant, so we could (i) quantify growth rates, (ii) evaluate
Mg2+ and SO4

2− incorporation, and (iii) investigate surface
changes during calcite growth. The solids were then
characterized by powder X-ray diffraction (PXRD), X-ray
photoelectron spectroscopy (XPS), scanning electron micros-
copy (SEM), and atomic force microscopy (AFM).

■ MATERIALS AND METHODS
All solutions were prepared with ultrapure deionized water (Milli-Q,
resistivity >18.2 MΩ·cm) with compounds from Sigma-Aldrich
(CaCl2·2H2O, NaCl, MgSO4·7H2O, Na2SO4, and NaHCO3; purity
99.7%) and Merck P.A. (Na2CO3, MgCl2·6H2O). All were reagent
grade or better. Cation concentrations in the starting solutions were
confirmed with atomic absorption spectrometry (AAS, PerkinElmer
AAS Analyst 800). Merck calcite (>99.9% purity) was used as seed.
Prior to use, the calcite powder was recrystallized in ultrapure water
that was bubbled with CO2 at 60 °C through several cycles, using a
method adapted from Stipp and Hochella57 to remove organic
compounds added during the commercial synthesis. On the treated
material, the BET surface area was determined to be 0.31 m2/g, using a

Table 1. Experimental Conditions for Seeded Calcite Precipitation Experiments

inhibitor concentration (mM) growth rate (mol m−2 s−1)

run start pH SI seed mass (mg) Mg2+ SO4
2− MgSO4 Ro × 106 Ri × 106 Θ

Exp. 1 8.39 1.17 29.2 1.8 2.73 2.18 0.20 ± 0.02
Exp. 2 8.30 1.07 32.5 2.1 5.69 4.31 0.24 ± 0.02
Exp. 3 8.34 1.11 30.6 3.2 2.36 1.75 0.26 ± 0.02
Exp. 4 8.38 1.16 30.9 3.3 2.46 1.62 0.34 ± 0.02
Exp. 5 8.34 1.11 28.2 4.1 5.38 2.96 0.45 ± 0.02
Exp. 6 8.33 1.10 31.0 5.3 5.03 2.11 0.58 ± 0.02
Exp. 7 8.31 1.08 30.1 5.3 4.49 1.91 0.58 ± 0.02
Exp. 8 8.32 1.09 32.8 5.3 4.84 1.88 0.61 ± 0.02
Exp. 9 8.30 1.07 31.4 5.3 4.76 2.00 0.58 ± 0.02
Exp. 10 8.40 1.18 30.1 5.8 2.50 0.82 0.67 ± 0.02
Exp. 11 8.37 1.14 30.5 6.2 2.34 0.74 0.68 ± 0.02
Exp. 12 8.29 1.06 29.2 6.3 5.23 2.02 0.61 ± 0.02
Exp. 13 8.31 1.08 30.1 9.3 5.33 0.79 0.85 ± 0.02
Exp. 14 8.32 1.09 29.7 12.3 5.16 0.52 0.90 ± 0.02
Exp. 15 8.30 1.07 30.3 13.3 4.98 0.16 0.97 ± 0.02
Exp. 16 8.31 1.08 29.5 0.70 4.89 3.82 0.22 ± 0.05
Exp. 17 8.30 1.07 29.0 1.1 4.63 3.78 0.18 ± 0.05
Exp. 18 8.31 1.08 30.0 2.6 4.97 3.33 0.33 ± 0.05
Exp. 19 8.31 1.08 28.8 4.0 4.49 2.93 0.35 ± 0.05
Exp. 20 8.40 1.18 30.9 7.0 2.59 1.41 0.46 ± 0.05
Exp. 21 8.27 1.04 30.1 7.1 4.01 2.20 0.45 ± 0.05
Exp. 22 8.33 1.10 30.5 9.1 4.79 1.79 0.63 ± 0.05
Exp. 23 8.30 1.07 32.0 12.5 4.78 1.39 0.71 ± 0.05
Exp. 24 8.30 1.07 29.9 13.0 5.79 1.24 0.79 ± 0.05
Exp. 25 8.29 1.06 29.1 20.5 5.08 1.13 0.78 ± 0.05
Exp. 26 8.31 1.08 31.0 40.0 4.54 0.34 0.93 ± 0.05
Exp. 27 8.31 1.08 31.40 0.14 4.79 3.24 0.32 ± 0.03
Exp. 28 8.31 1.08 30.6 2.2 3.84 1.95 0.49 ± 0.03
Exp. 29 8.30 1.07 29.5 3.0 3.17 1.41 0.56 ± 0.03
Exp. 30 8.32 1.09 30.1 3.9 4.00 1.09 0.73 ± 0.03
Exp. 31 8.32 1.09 33.0 3.9 4.38 1.44 0.67 ± 0.03
Exp. 32 8.32 1.09 30.6 4.1 4.37 1.35 0.69 ± 0.03
Exp. 33 8.33 1.10 31.3 8.0 3.85 0.34 0.91 ± 0.03
Exp. 34 8.31 1.08 30.6 12.6 5.73 0.08 0.99 ± 0.03
Exp. 35 8.31 1.08 32.2 12.7 4.83 0.08 0.98 ± 0.03
Exp. 36 8.30 1.07 30.0 4.64
Exp. 37 8.30 1.07 60.0 10 4.71
Exp. 38 8.29 1.06 60.1 10 4.70
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Quantachrome Autosorb-1 Sorption analyzer, X-ray diffraction proved
no phases in the seed other than calcite, and scanning electron
microscopy (SEM) images showed particles with typical dimensions of
30 μm and a homogeneous size distribution.
Constant composition experiments were carried out using the

apparatus developed and described by Lakshtanov et al.58 We used a
double-walled glass reaction vessel, maintained at 25 ± 0.1 °C and
stirred at ∼300 rpm with an overhead propeller (Metrohm 802). A
volume of 35 mL solution was prepared to have a final concentration
of 4.0 mM CaCl2, 4.0 mM NaHCO3, and 0.1 M NaCl (ionic strength,
IS = 0.1 M); it was filtered (0.22 μm pore size) and added to the
reaction vessel. If needed, the solution pH was adjusted to 8.3 ± 0.1
with a few drops of 0.05 M HCl. This solution was supersaturated with
respect to calcite. The saturation index, with respect to calcite, SIcc, was
1.0, determined using the geochemical speciation code PHREEQC:59

=
+ −

I
K

S log
[Ca ][CO ]

cc

2
3

2

sp(cc) (1)

where [Ca2+] and [CO3
2‑] represent the ion activities of calcium and

carbonate and Ksp(cc) represents the solubility product of calcite,60

namely, 10−8.48.
The experiment began when 30 ± 4 mg of calcite seed was added to

the solution. Calcite precipitated by the reaction:

+ ↔ ++ − +Ca HCO CaCO H2
3 3(s) (2)

As calcite formed, the concentration of Ca2+, HCO3
−, and pH

decreased. The change in pH triggers addition of equal volumes of 0.1
M CaCl2 and 0.1 M Na2CO3, which returns pH to the initial value (8.3
± 0.02). After 15 min of undisturbed growth of pure calcite, a specific
volume of MgCl2 or Na2SO4 or MgSO4 solution was added. Volumes
of the solutions ranged from 0.150 to 5.00 mL, and concentrations
ranged from 0.1 to 0.5 M, yielding final concentrations that ranged
from 0.7 to 40 mM. We allowed precipitation to continue for 30 min
more. Table 1 (left side) lists the conditions of the experiments.
Experiment 36 was the control, with only calcite.
Within a minute of adding solutions containing MgCl2, Na2SO4, or

MgSO4, we took a 300 μL sample of growth solution. Another sample
was taken 30 min later, at the end of the experiments. The solutions
were filtered, and the liquid was analyzed by AAS and ion
chromatography (IC, Metrohm 861 Advanced compact IC) to
determine the concentrations of Ca2+, Mg2+ (AAS), and SO4

2− (IC).
The solids were rinsed with ethanol to remove the last of the solution
to minimize precipitation, dried in air, and stored for later analysis.
Ethanol has been shown to displace water and to remain attached to
the calcite surface, thus inhibiting recrystallization, also in the absence
of liquid water.20,61,62 The titrated volumes of CaCl2 and Na2CO3 were
recorded automatically and used to determine growth rate using the
expression:

=
+

R
m SA

V
t

[Ca ] d
d

2
titrant

seed seed (3)

where [Ca2+]titrant represents the concentration of Ca2+ in the titrant
CaCl2 solution, mseed, the initial seed mass, SAseed, the specific surface
area of the seed, and dV/dt, the volume added per unit time. Because
the surface area increase during growth is so small, the assumption of
constant surface area in the equation is considered valid. In total, we
carried out 38 experiments. Figure 1 illustrates data from a typical
example. To quantify the degree of inhibition, we determined the
inhibition index, Θ, which relates the undisturbed growth rate, i.e., rate
in the pure calcite system, R0, to the growth rate in the solution
containing the inhibitor, Ri,:

Θ =
−R R

R
i0

0 (4)

When growth completely stops, Θ = 1. The results for all of the
experiments are presented in Table 1, right side.
The initial seed material and the solids removed at the end of the

experiments with Mg2+, SO4
2−, and MgSO4, at concentrations ranging

from ∼2 mM to ∼13 mM, were analyzed quantitatively by PXRD to
verify their mineral composition. For control, we also analyzed a
sample from the pure system (Experiment 36). In the samples that
contained Mg, the character of the Mg calcite was determined using
the following expression after Arvidson and Mackenzie63

= − +̅X d3.6393 11.0405(MgCO ) (10 1 4)3 (5)

where X(MgCO3) represents the mole percent MgCO3 in the calcite and
d(101 ̅4) represents the peak intensity in Å.

For X-ray diffraction (XRD), we used a Bruker D8 Discover
(CoKα1, 1.7902 Å; 2θ range 5−90; 0.01°/step and 0.1 s/step).
Structural parameters were estimated from the diffraction patterns
using the Scherrer equation,64 with the assumption that the particles
were stress free. The pattern matching refinement of the data for the
crystalline phases was carried out using the Rietveld refinement
software, TOPAS.65 We used a silicon standard (2θ111 = 28.46°; fwhm
= 0.049°).

We also analyzed the solids with X-ray photoelectron spectroscopy
(XPS). This technique provides information about the elements that
are present and how they are bound to other elements, from the top
10 nm of a solid. We used a Kratos AXIS UltraDLD instrument, with
monochromatic AlKα X-rays (hν = 1486.6 eV; power = 150 W). The
pass energy for wide scans was 160 eV, and for high resolution scans, it
was 20 eV. Data were analyzed with CasaXPS software, using the C 1s
peak for CO3 at 290.1 eV for energy calibration.57 The position, width,
and intensity of the various peaks were examined with XPS on samples
collected at the beginning and end of the experiments. There was no
detectable evidence of X-ray beam damage on surface composition.

We collected scanning electron microscopy (SEM) images of the
solids at the micrometer scale using a Quanta 3D FEG 200/600 SEM,
in high vacuum (5 × 10−4 Pa), with an acceleration voltage of 2.00 kV
and a beam current of 16.6 pA. All samples were uncoated and fixed to
double sided carbon tape on stainless steel holders. Atomic force
microscopy (AFM) images were collected to monitor the change in
surface form at sub-micrometer scale using an Asylum Research MFP-
3D AFM. Olympus AC240TS silicon cantilevers, with a nominal
spring constant of 2 N/nm, were used in AC mode, in air at room
temperature to produce topography images.

■ RESULTS AND DISCUSSION
Calcite growth is influenced by the presence of SO4

2−, Mg2+,
and MgSO4 but to different extents. Figure 2 shows the
inhibition index, Θ, as a function of additive concentration. All
results are presented numerically on the right side of Table 1.
Inhibition increased with concentration in the order MgSO4

> Mg2+ ≫ SO4
2−. In particular, at 12.6 mM MgSO4, the

inhibition index reached 0.99, compared with 0.90 and 0.71 for
similar concentrations of Mg2+ and SO4

2− alone. To reach an
inhibition index above 0.9 for SO4

2−, a significantly higher

Figure 1. Volume of titrant added and pH in the growth solution for
Experiment 10, where we added 5.8 mM MgCl2 at the time indicated
by the arrow. Growth rate before (R0) and after (Ri) inhibitor addition
is derived from the slope of the lines.
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concentration was needed. For example, at 40 mM SO4
2−, Θ =

0.92. We tested the dependence of the inhibition index on
concentration. The SO4

2− results could be described by a first-
order Langmuir adsorption model. The fit was good (R2 =
0.92), suggesting that the formation of a monolayer of SO4

2−

ions, adsorbed at growth sites, blocks further growth. This is
comparable to results by Amjad et al.,66 who observed a similar
behavior for polyphosphate on hydroxyapatite in constant
composition experiments. The fits for Mg2+ and MgSO4

2− with
a first order Langmuir model were poor (R2 = 0.78 and R2 =
0.83), but with a second order Langmuir curve, they were quite
good (R2 = 0.97 and R2 = 0.96). This indicates that the
mechanism for growth inhibition is more complex than simple
adsorption and site blocking, for which our XPS and XRD
results provide insight.
Our observed decrease in growth rate with MgSO4 in the

near equilibrium, constant composition system is similar to the
results of Mucci et al.52 and Mejri et al.40 who studied growth
rates in free drift systems that were more supersaturated than
ours. Mucci et al.52 found a 2−3 fold decrease in calcite

precipitation rate in artificial seawater (ASW) compared with
rates in ASW that did not contain SO4

2−. Mejri et al.40 reported
a decrease in growth rate caused by Mg2+ or SO4

2− during
homogeneous CaCO3 precipitation and Gledhill and Morse,51

reported that the extent of SO4
2− inhibition on calcite growth is

sensitive to the concentrations of Ca2+ and Mg2+.
XPS showed clear evidence of Mg2+ and/or SO4

2− within the
top 10 nm of calcite grown in the single and the double ion
solutions (Table 2) with the peak for Mg 2s at 89.6 ± 0.1 eV
and for S 2p3/2 at 169.5 ± 0.1 eV. Evidence of surface Mg2+

and/or SO4
2− supports our interpretations of the Langmuir

fitting. A control sample from a pure system (Experiment 36)
showed no traces of these ions.
From the amount of Ca that we added in the constant

composition set up, we could determine the amount taken up
to form the new calcite, and thus we could calculate the number
of calcite unit cells grown during the inhibited stage. We
estimated that the newly precipitated material would form a
layer equivalent to >30 nm if it precipitated uniformly over the
seeds. We do not know how the new material distributed itself,
but we assumed that our XPS analyses, with a maximum
information depth of 10 nm, represent the elemental
composition of the newly precipitated phase, not the
underlying seed crystals.
The CO3/Ca ratio from the XPS data for pure calcite is not

1:1, as one might expect from the atomic proportions in the
bulk mineral because the surface composition reflects
interactions (relaxation and hydration) resulting from termi-
nation of the bulk calcite structure.57 We see this reflected in
the composition of the pure system where the peak intensity
ratio for CO3/Ca is 0.87 (Experiment 36, Table 2). The ratio is
0.83 for the sample that grew in the presence of SO4

2−

(Experiment 24), which is close to the pure calcite system
ratio but reflects adsorption of SO4 and some substitution for
surface CO3. SO4 uptake is consistent with observations by
others.39,67−71 However, because the decrease of the ratio is so
small and the SO4

2− growth inhibition data follow a first-order
Langmuir isotherm, we interpret that SO4 uptake into the bulk
is not significant when SO4

2− is the only ion. In solutions that
contain Mg2+ alone, the CO3/Ca ratio increases to 0.92 or
more, which is consistent with constant CO3 and lower Ca,
implying substitution by Mg. For solutions with MgSO4, the
CO3/Ca ratio increases further to 0.98 for the 12.6 mM MgSO4
solution (Experiment 34 in Table 2).

Figure 2. Inhibition index, Θ, as a function of the concentrations of
Mg2+, SO4

2−, and MgSO4. Fit lines correspond to a first-order
Langmuir equation for SO4

2− and a second order Langmuir equation
for Mg2+ and MgSO4. Inserted is the full concentration range for
SO4

2−.

Table 2. XPS Results and Calculated Calcite Compositiona

inhibitor concentration (mM)

run Mg2+ SO4
2− MgSO4

2− Mg (atom %) S (SO4
2−) (atom %) Mg/Ca CO3/Ca Mg 1s/Mg 2s

Exp. 36 0.0 0.0 0.00 0.87
Exp. 24 13.0 0.0 1.0 ± 0.05 0.00 0.83
Exp. 37a 10.0 5.2 ± 0.3 0.0 0.03 0.92 8.27
Exp. 37b 10.0 6.7 ± 0.3 0.0 0.07 0.93 4.51
Exp. 37b 10.0 6.4 ± 0.3 0.0 0.07 0.92 4.46
Exp. 15 13.3 9.3 ± 0.5 0.0 0.13 0.96 3.86
Exp. 27 0.14 0 0 0 0.86
Exp. 38a 10.0 5.9 ± 0.3 0.4 ± 0.02 0.03 0.91 11.07
Exp. 38b 10.0 6.4 ± 0.3 0.5 ± 0.03 0.07 0.93 4.55
Exp. 38b 10.0 5.2 ± 0.3 0.6 ± 0.03 0.07 0.92 3.98
Exp. 34 12.6 12.6 ± 0.6 0.5 ± 0.02 0.16 0.98 3.96

aIn the sample numbers, a refers to the initial sampling event, within 3 min of adding the inhibitor, and b refers to the sample from the end of the
experiment. Two samples (37b and 38b) were analyzed at two separate spots to demonstrate sample homogeneity.
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The width of the XPS peaks provides information about the
types of atomic environment.72 In Figure 3 Experiment 36

(pure CaCO3 system) and Experiment 34 (12.6 mM MgSO4)
are presented. For the pure system, all C atoms in carbonate
ions are in the same environment with O surrounding them.
The full width at half-maximum (fwhm) for the C 1s peak that
is attributed to carbonate was narrow, 1.20 ± 0.05 eV. For the
highest MgSO4 concentration (12.6 mM, Experiment 34),
fwhm was 0.3 eV wider, 1.50 ± 0.05 eV. This indicates more
than one local environment around carbon, which can be
explained by the slight difference in bond distance for CO3 to
Mg and CO3 to Ca. The widened peak is really a superposition
of two peaks to represent the two different C environments.
The Ca 2p peaks also broadened, from 1.50 ± 0.05 eV for pure
calcite to 1.65 ± 0.05 eV for the product of Experiment 34.
This broadening represents several bonding environments
around the Ca ions as a result of the presence of Mg and SO4.
A rough estimate for the composition of the outer layer of

newly formed calcite, based on the Mg/Ca ratio, gives
Ca0.86Mg0.14CO3 for the two samples formed from the most
concentrated solutions. The Mg/Ca ratio includes contribu-
tions from both the Mg adsorbed on the calcite surface and Mg
that has been incorporated into the near surface.
Two samples each, from Experiment 37 with 10 mM Mg2+

and Experiment 38 with 10 mM MgSO4, that were extracted
∼2 min after addition of the inhibitor and at the end of the
experiment 30 min later, provided insight into the uptake
evolution. The Mg 1s/Mg 2s ratio gives information about the
relative amount of Mg on and in the near surface at these two
time snapshots. The Mg 1s peak results from electrons that are
emitted from the first atomic orbital. Their kinetic energy, 182
eV, shows that they are tightly bound in the atom. The Mg 2s
peak, generated by electrons from the second atomic orbital,
have kinetic energy of 1397 eV, meaning they are much less
tightly bound, and when ejected, their higher kinetic energy
allows them to escape from deeper within the near surface.
Thus, the lower Mg 1s/Mg 2s ratio for the samples collected at
the second sampling event, marked “b” in Table 2, indicates

that there is more Mg deeper in the near surface, after about 30
min of calcite growth with Mg2+ present, as we would expect
during continued growth of new Mg calcite. Thus, the CO3/
Ca2+ ratio difference and the Mg peak broadening indicate that
Mg is incorporated into the growing calcite crystal, where it
substitutes for Ca. This happens at room temperature, and
uptake increases as solution Mg2+ concentration increases.
XRD confirmed that all samples consisted of calcite. The

patterns from the samples, taken from solutions where
inhibitors were added, were identical to the control calcite
sample grown in the pure system (Figure 4), showing the same

unit cell parameters as pure calcite (a = 4.9896 Å, c = 17.061
Å). For nearly all of the samples, the inclusion of Mg was too
low to produce a visible change in the average cell parameters,
but this is expected because the 30 nm overlayer of Mg calcite
would be swamped in the bulk solid where the pure seed calcite
dominates by mass.
The only exception was the 12.6 mM MgSO4 sample

(Experiment 34), where the presence of Mg calcite could be
seen. We calculated the mole percent of MgCO3 to be ∼9.2
mol % (±1 mol %) using the expression presented by Arvidson
and Mackenzie,63 which agrees reasonably well with ∼14 mol %
(±1 mol %) estimated from the XPS data. The difference
between these two results is expected because XPS measures
only 10 nm of the near surface, meaning that the inner part of
the seed crystals does not influence the measurement.
However, XPS does not allow us to differentiate between the
Mg that is adsorbed on calcite and that which is incorporated in
the crystal. Adsorbed Mg is undetectable with XRD; only that
incorporated in a solid solution has an effect on the peak width.
For the other samples, where solutions contained lower
concentrations of Mg2+, uptake in the near surface was
observed by XPS (Table 2), but we could not see Bragg peak
shifts, presumably because the dominant {101 ̅4} calcite peak
masks the {101 ̅4} Mg-calcite peak, which is very close. Mg
incorporation at lower concentrations than used in our studies

Figure 3. High resolution XPS spectra of the C 1s region for
Experiments 34 and 36. The most intense peak at 190.1 eV results
from C in carbonate bonds.72 The peak near 285 eV represents
adventitious carbon. The fwhm of the carbonate peak is wider for the
sample exposed to MgSO4 (1.5 eV) than the pure system (1.2 eV)
because there are more environments for C in the mixed carbonate
phase.

Figure 4. X-ray diffraction (XRD) patterns for the calcite samples
from the high inhibitor concentration experiments. Inset: Detail of the
{101 ̅4} calcite peak for the final sample taken from Experiment 34
with 12.6 mM MgSO4.
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has been identified by Krajl et al.42 They observed an uptake of
7.5 and 6.3 mol % from solutions with 10 and 5 mM Mg2+ in
mixing solution experiments. They also reported that the
amount of Mg incorporated in the CaCO3 crystals grown from
supersaturated solutions varied with the electrolyte anion.
SO4

2− led to the highest degree of incorporation, followed by
NO3

− and Cl−.
SEM images show the change in crystal form caused by the

inhibitors. Figure 5a shows calcite from the pure system for
reference. Terraces are flat and edges and corners are sharp.
Change was smallest in the SO4

2− system, higher for Mg2+, and
highest in the MgSO4 system. The presence of SO4

2− had
minimal influence on crystal shape when the concentration was
13 mM (Figure 5b), but Mg2+ enhanced the frequency of

growth steps, producing rougher terraces and rounded steps
(Figure 5c). This was even more pronounced for samples from
experiments with MgSO4 solutions (Figure 5d), where the
{101 ̅0} surface also developed. In mixing solution, homoge-
neous nucleation experiments with MgSO4, Krajl et al.42

observed {011̅1} surfaces and polycrystalline aggregates. We
did not expect to see such behavior in our constant
composition experiments, where overgrowth is controlled by
the atomic structure of the seed material. Heterogeneous
precipitation also explains the absence of aragonite in our
experiments with high Mg2+ concentrations.
AFM images provided a consistent picture of terrace and step

edge topography at higher resolution than SEM images (Figure
6). Calcite surfaces grown in the presence of SO4

2− were least

affected (Figure 6a,b). Steps were more rugged than on calcite
from a pure system, and there were only a few pits in the
terraces (white arrows). In the presence of Mg2+ (Figure 5c,d),
terraces were irregular and blocky, with wavy edges, and pits
were deeper and wider than when the solution contained only
SO4

2−. The rhombohedral symmetry of the calcite is reflected
in pit shape (thick black horizontal arrow in Figure 6d), where
the pit edges are pinned and the corners that are produced by
intersection of obtuse sides are rounded (Figure 6d white “o”).
This is characteristic of growth and dissolution in solutions
when Mg2+ is present.19,73 In the MgSO4 solution (Figure 6e
and f), the density of pits increased, and they were small and
irregular. The terrace edges were also very irregular, suggesting
abundant inhibited sites.

Figure 5. Typical scanning electron microscopy (SEM) images of
calcite (a) grown without inhibitor and (b) with 13.0 mM SO4

2−, (c)
13.2 mM Mg2+, and (d) 12.6 mM MgSO4.

Figure 6. Representative atomic force microscopy (AFM) images of
calcite (a) and (b) grown with 13.0 mM SO4

2−, (c, d) 13.2 mM Mg2+,
and (e, f) 12.6 mM MgSO4. Thin white arrows indicate pits. In (d) a
pit that is rounded at the obtuse corner (marked o) is indicated by a
thick black arrow.
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To quantify the degree of edge roughness, we estimated step
irregularity along the crystal edges from AFM images. This
parameter compared the real length of an edge over a
displacement of 1 μm with the actual tortuous edge. We
made at least three estimates for each sample taken from
experiments with the highest inhibitor concentrations, and we
averaged the outcome for each system. The resulting
irregularity was 1.07 for the sample grown with SO4

2− present,
1.11 for Mg2+ and 1.43 for MgSO4, consistent with the
qualitative observations from SEM and AFM images.
From the results of this study, it is clear that inhibition

caused by SO4 is purely the result of adsorption. This is justified
by the uptake data being well described by a first-order
Langmuir equation, XRD patterns that revealed nothing but
pure calcite, and XPS peak intensity ratios that showed only
minor changes in the CO3/Ca ratio. Inhibition in the Mg2+ and
MgSO4 experiments resulted from two processes: (i)
adsorption of Mg (and SO4) and (ii) structural incorporation
of Mg during growth.
Mg2+ inhibition of calcite precipitation and dissolution is

well-known,36,37,41,42,44,74,75 and our SEM and AFM data are
consistent with published reports.19,42,73,76,77 The electron
configuration of Mg2+ makes it prone to hydrate, thereby
delaying growth in its vicinity.47,78

The strongest inhibition occurs when both Mg2+ and SO4
2−

are present; i.e., SO4
2− enhances the inhibiting effect of Mg2+.

This is consistent with our observation that in experiments with
MgSO4, the calcite form is most affected (irregularity
measurement of 1.43) compared with samples from experi-
ments with the individual ions (irregularity for SO4

2−: 1.07 and
Mg2+: 1.11). The mechanism for increased calcite inhibition by
Mg2+ with SO4

2−, proposed by Kralj et al.,42 suggested that
SO4

2− helps dehydrate Mg2+ through ion pairing. Sakuma et
al.29 used molecular modeling to show that the substitution of
the MgSO4 ion pair into the calcite surface is energetically
favored over substitution of pure Mg2+. Our results indicate that
Mg incorporation is enhanced at ambient conditions when
SO4

2− is present, which means that calcite can take up Mg even
at room temperature if SO4

2− is also present in solution.
Higher temperature is known to increase the rate and extent

of Mg incorporation into bulk CaCO3.
40,46,47 Our results imply

that when SO4
2− is present, increased temperature is less

necessary, which is interesting information to add to overall
understanding of the controls on biomineralisation. It is also
useful for the design of specific calcite powders for industrial
applications. Better understanding of the uptake of trace
components and their effect on wetting properties is useful for
enhancing oil recovery and probably also for contaminated
groundwater remediation. Affecting the adhesion properties on
surfaces provides inspiration for preventing scaling in that the
effectiveness of the known inhibitor, magnesium, can be
improved by adding sulfate. The new insight is useful for
controlling calcite wettability, growth rate, crystal size, shape,
and surface character. Confirmation that magnesium uptake is
enhanced by sulfate implies a need to re-examine the validity of
the Mg/Ca thermometer for foraminifera and its application for
interpreting ancient seawater temperatures.

■ CONCLUSIONS
The presence of Mg2+ and SO4

2−, individually and together,
influenced calcite crystal shape and roughness. Solutions
containing both Mg2+ and SO4

2− promoted the greatest
disruption, resulting in rough edges and pitted terraces. All

three ions inhibited calcite growth in the order SO4
2−≪Mg2+ <

MgSO4, proportional to their concentrations. SO4
2− is the

weakest inhibitor. It adsorbs to surfaces and blocks growth sites.
Mg2+ adsorbs and is incorporated into the growing mineral.
The effect of magnesium is enhanced, when SO4

2− is also
present.
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