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ABSTRACT: Magnesite (MgCO3) is one of the most stable
sinks for carbon dioxide (CO2) and is therefore of great
interest for long-term carbon storage. Although magnesite is
the thermodynamically stable form of magnesium carbonate,
the kinetic inhibition of low-temperature precipitation has
hindered the development of carbon sequestration strategies
that can be economically conducted under ambient temper-
ature. Here, we document the precipitation of magnesite from
waters (magnesite saturation index = 1.45) in batch reactors at
room temperature with the aid of carboxylated polystyrene
microspheres over the course of 70 days. Microspheres provide
surfaces with a high density of carboxyl groups that act to bind
and dehydrate Mg2+ ions in solution, thereby minimizing the
kinetic barrier and facilitating magnesite formation. Magnesite
crystals are observed on sphere surfaces and their organic matrixes. Mineral identification was confirmed by X-ray diffraction and
selected area electron diffraction of a thin section obtained by focused ion beam milling. We demonstrate that kinetic barriers to
magnesite formation can be overcome at ambient conditions. Incorporating surfaces with high carboxyl site densities into ex situ
mineral carbonation processes and the use of such ligands for deep geologic CO2 storage may offer novel and economically viable
strategies for permanent carbon storage.

1. INTRODUCTION
Mechanisms of carbonate formation have long been studied to
further our understanding of carbonate depositional environ-
ments, yet this area of research has gained greater attention
because of its relevance to permanent storage of carbon dioxide
(CO2) in both ex situ mineral carbonation processes and deep
geologic storage.1−3 Ex situ mineral carbonation technologies
aim to capitalize on the globally abundant natural deposits of
ultramafic and mafic rocks by forming magnesite (MgCO3) as a
stable sink for CO2.

1 These proposed technologies are usually
operated at high temperature and pressure to achieve fast
carbonation rates; however, these approaches are not yet
economically viable with current technology.3 At low temper-
atures, carbonation of Mg-bearing feedstock, either abiotically
or biologically, results in the precipitation of metastable
hydrated Mg-carbonate minerals such as nesquehonite
(MgCO3·3H2O), dypingite [Mg5(CO3)4(OH)2·5H2O], and
hydromagnesite [Mg5(CO3)4(OH)2·4H2O].

4−9 These meta-
stable phases require considerably more onerous chemical
conditions (e.g., higher Mg concentration) than those required
to reach magnesite saturation.10 This conundrum in balancing
carbonation rates with acceptable costs has spurred a wealth of
scientific inquiry with the goal of developing economically
feasible carbonation pathways.
Magnesite and dolomite [CaMg(CO3)2] have precipitation

rates that are orders of magnitude slower than calcite (CaCO3)

at Earth’s surface conditions, which has hampered the
formation of these minerals in the laboratory at room
temperature.9,11−13 These sluggish rates have hindered our
understanding of magnesite formation in natural environments
and have generally restricted carbon sequestration technologies
that form magnesite to high temperature systems.3,11 However,
magnesite has successfully been precipitated at 35 °C using
supercritical CO2.

14−17 At ambient pressure and low temper-
atures (<60 °C), magnesite precipitation is kinetically inhibited
due to the strong hydration of magnesium (Mg2+) ions in
solution.10,18 This is the same root cause behind the dolomite
problem, which is defined by the disparity between the
abundance of dolomite in the geologic record and its paucity
in modern environments despite being supersaturated in
seawater. The “problem” is one of kinetics, and given sufficient
time, precipitation rates are adequate to explain the occurrence
of dolomite as well as magnesite in the geologic record without
mediation or acceleration.19

Several studies have succeeded in increasing rates of
disordered or ordered dolomite precipitation at low temper-
ature to observe its formation at the laboratory time scale and
to begin to demystify the processes that may accelerate its
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formation in sedimentary environments.20−23 The dehydration
of Mg2+ ions is considered the rate-limiting step for the
precipitation of both dolomite and magnesite at low temper-
ature.11 Kenward et al.21 demonstrated that carboxyl functional
groups on microbial cell walls could bind and partially
dehydrate Mg2+ ions in an energetically favorable process that
facilitates dolomite precipitation. This mechanism was validated
with the use of densely carboxylated microspheres to abiotically
precipitate dolomite from solution at 30 °C.22 In the present
study, we show the formation of magnesite at room
temperature with the aid of carboxylated polystyrene micro-
spheres in solutions slightly supersaturated with respect to
magnesite. Manipulation of this reaction pathway to accelerate
magnesite formation at low temperature may provide an
economical alternative for carbon storage, as there likely would
be substantially less energy required in comparison to high
temperature and pressure systems.

2. EXPERIMENTAL SECTION
2.1. Batch Experiments. Batch reactors were used to examine the

precipitation of magnesite at room temperature (∼22 °C).
Experimental solutions (100 mL of deionized water) were composed
of 10 mM NaHCO3 and 10 mM MgCl2·6H2O with an initial starting
pH measured at 8.2. The solution chemistry had a magnesite
saturation index (SI) of 1.45 as calculated using PHREEQC V.324 with
the LLNL database. Solutions were undersaturated with respect to
hydromagnesite (SI = −1.91), nesquehonite (SI = −1.57), and artinite
[Mg2(CO3)(OH)2·3(H2O); SI = -1.91]. Solutions were filtered (0.22
μm) and dispensed into serum vials that were sealed using butyl
rubber stoppers and Al-crimp seals to prevent degassing and
evaporation. Low (0.7 COO−/Å2; 0.82 μm diameter) and high (10
COO−/Å2; 20.3 μm diameter) carboxyl site density polystyrene
microspheres were purchased from Bangs Laboratories Inc. These
spheres were composed of 99.90% polystyrene and ≤0.10% sodium
dodecyl sulfate. Reactors were amended with approximately 105

spheres/mL, and experiments were run in triplicate over five time
intervals for each experimental condition. Reactors were not
continuously mixed, and therefore, most microspheres settled to the
bottom. Analyses of solutions prior to and after microsphere addition
as well as after experiments showed that bulk water chemistry (pH and

Figure 1. Representative scanning electron micrographs of polystyrene microspheres and associated mineral precipitates after 60 days of reaction.
(A) Low carboxyl site density spheres with unidentified mineral precipitate. (B) Mineral precipitate on high carboxyl site density sphere showing
step growth texture. (C) Numerous mineral precipitates (arrows) held in an organic matrix attached to a sphere (upper right). (D) Mineral
precipitates on filter paper exhibiting attachment and aggregation. (E) For comparison, naturally occurring magnesite from a hydromagnesite-
magnesite playa. (F) Representative energy dispersive spectrum of mineral precipitate (G) revealing the chemical composition of Mg, C, and O (Os
is from coating). Scale bars are 500 nm.
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[Mg]) was the same within measurement error. Reactor vessels were
opened and sampled in succession, starting at 24 days of reaction with
additional reactors being sampled every 12 days for a total of 72 days.
Control systems either contained no microspheres or contained
microspheres in deionized water. Millipore Swinnex filter holders (25
mm) and Isopore membrane filters (0.2 or 0.4 μm) were used to
collect spheres and any precipitates. While remaining in filter holders,
solids were rinsed using filtered deionized water to prevent formation
of evaporite minerals. These solids were then dried at room
temperature prior to imaging and analyses, which were done within
2 days.
2.2. Aqueous Chemistry. A portable Thermo Scientific Orion 4-

Star pH/ISE probe was calibrated and used to measure the pH of
experimental solutions before and after microsphere addition. The
total aqueous Mg concentration of solutions was determined using
inductively coupled plasma optical emission spectrometry (ICP-OES)
employing a Varian 725-ES Optical Emission Spectrometer, with a
detection limit of 0.2 mg/L. Reproducibility was better than 5 mg/L
based on repeated analysis of standards and duplicate samples. Cation
samples were acidified to 2% ultrapure HNO3 immediately after
sampling.
2.3. Scanning Electron Microscopy. Samples were imaged at the

Centre for High-Throughput Phenogenomics at The University of
British Columbia and Nanofabrication Facility at The University of
Western Ontario. Spheres and precipitates were immobilized onto
EMD Millipore Isopore membrane filters (0.2 or 0.4 μm) and flushed
with deionized-distilled water to prevent evaporite minerals from
forming. Filters were air-dried before mounting onto aluminum stubs
using 12 mm carbon adhesive tabs. Samples were coated with either 8
nm of iridium using a Leica EM MED020 coating system or a 3 nm
layer of osmium metal using a Filgen osmium plasma coater (OPC
80T). A LEO (Zeiss) 1540 XB field emission scanning electron
microscope (SEM) was used to produce high-resolution images at an
operating voltage of 1.0 kV. Operating the SEM at a voltage of 10 kV,
an Oxford Instruments’ INCAx-sight energy dispersive spectropho-

tometer (EDS) was utilized for elemental analysis. Focused ion beam
(FIB) milling was used to obtain a thin section (∼100 nm thickness)
of the mineral precipitate. At the University of British Columbia,
samples were imaged using an FEI Helios NanoLab 650 operating at
1.0 kV voltage.

2.4. X-ray Diffraction. Mineral phases from experiments were
identified using X-ray diffraction (XRD) data. Samples were mounted
as slurries onto zero diffraction quartz plates with anhydrous ethanol
and allowed to dry at room temperature. All XRD data were collected
using a Bruker D8 Focus Bragg−Brentano diffractometer with Co Kα
radiation and a step size of 0.02° over a range of 30−70° 2θ at 2.0 s/
step. A Fe monochromator foil, a 0.6 mm divergence slit, incident and
diffracted beam Soller slits, and a LynxEye detector were used to
collect patterns. A long, fine-focus Co X-ray tube was operated at 35
kV and 40 mA using a takeoff angle of 6°. Search-match software,
DIFFRACplus EVA 14,25 and the International Centre for Diffraction
Database PDF-4+ 2010 were used for phase identification.

2.5. Transmission Electron Microscopy. Imaging of the thin
section was performed at The University of British Columbia’s
Bioimaging Facility. The FEI Tecnai G2 transmission electron
microscope (TEM) was operated at 200 kV with a LaB6 filament
capable of 1.4 Å resolution. The Tecnai TEM was equipped with a
high-tilt, high precision motorized stage and a high-speed AMT 2K
side mount CCD camera, and a high-resolution FEI Eagle 4K bottom
mount CCD camera for capturing digital images. Crystal orientation
and reflections shown in the selected area electron diffraction (SAED)
pattern were identified using CrystalMaker v2.7 and SingleCrystal v2.2.
An electron diffraction pattern of an aluminum standard from Ted
Pella Inc. (Prod. No. 619) was used to calculate lattice spacings for an
unknown mineral precipitate within a FIB thin section (Table S1).

3. RESULTS AND DISCUSSION
Experiments using low carboxyl site density microspheres
yielded few mineral precipitates, none of which distinctly
resembled magnesite (Figure 1A). The precipitate in Figure 1A

Figure 2. Electron micrographs and SAED pattern of experimental precipitate. (A) Mineral precipitate that was thin sectioned using FIB milling (B).
(C) Representative transmission electron micrograph of a thin section (∼100 nm thickness) of a mineral grain obtained by FIB milling. Note the
outlines of rhombohedron, characteristic of magnesite (arrows). (D) An SAED pattern obtained from the mineral grain section viewing down the [3
0 1] plane. Reflections (h k l) are labeled with the measured lattice spacings that closely match those of magnesite (Table 1). Scale bars are 500 nm
when not labeled.
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did contain Mg, C, and O based on EDS analysis. Likewise, no
mineral precipitates were identified in the control experiments
that lacked spheres or which contained spheres in deionized
water (see the Supporting Information Figure S1A). Con-
versely, after 60 days of reaction, numerous (<3 μm) mineral
precipitates were observed in two of the three replicate
experiments that used the high carboxyl site density spheres.
Precipitates appeared to be well crystalline and had
rhombohedral crystal morphologies. Crystal sizes typically
ranged from 200 nm to 2 μm and were in close association
with microspheres and their organic matrixes (Figure 1B−D;
see Figure S1 for additional micrographs). Precipitates had
portions that were rhombohedral in shape, yet also had rough
steplike features, indicative of spiral crystal growth.11 Figure 1C
shows numerous grains of various sizes held within an organic
matrix (presumably made of styrene) hanging from a sphere.
Mineral precipitates near, but not in direct contact with,
spheres may have been detached during sampling (Figure 1D).
Precipitates on filter paper (Figure 1D) were almost always
associated with organic matrixes similar to those attached to
spheres (Figure 1C). Importantly, the mineral precipitates had
a markedly similar appearance to magnesite grains that have
formed in the temperature range of 1−11 °C within modern
hydromagnesite-magnesite playas (Figure 1E).26,27 Very similar
magnesite crystal morphologies have been noted by others in
high temperature experiments.18,28,29 Hydrated Mg-carbonate
minerals such as lansfordite (MgCO3·5H2O; short, prismatic),
nesquehonite (elongated, prismatic), dypingite (rosettes, flaky),
hydromagnesite (rosettes, platy), and artinite (acicular) have
very different crystals morphologies than the rhombohedral
crystals of magnesite.26,30−34 Thus, the crystal morphologies of
the experimental precipitates (Figure 1) are strongly indicative
of magnesite.
Elemental analyses using EDS revealed that the precipitated

crystals contained Mg, C, and O. This semiquantitative
technique measured an average Mg:C molar ratio of 0.8:1 (n
= 22), which is similar to magnesite (Figure 1F,G). Of the
hydrated Mg-carbonate minerals, only lansfordite and nesque-
honite have a 1:1 Mg:C molar ratio, whereas dypingite and
hydromagnesite have a ratio of 5:4 and artinite has a much
greater ratio of 2:1. The elemental composition and Mg:C
molar ratio further support that the precipitated crystals are
magnesite.
On the basis of SEM observations, the polystyrene spheres

appeared to compose nearly 100% of the total solids collected.
Detection limits for magnesium carbonate minerals by XRD are
typically greater than ∼0.5 wt %.35 Thus, conventional XRD
analysis was hampered by the minuscule abundance of mineral
precipitates and obstruction by the X-ray amorphous micro-
spheres. Only samples from experiments with the most
abundant mineral precipitates produced XRD diffraction
patterns with identifiable peaks (Figure S2). XRD patterns of
solids from this experiment after 60 days only showed the most
intense diffraction peak for magnesite (1 0 4; d = 2.746 Å). The
second (45% intensity) and third (35% intensity) most intense
peaks at 50.3° and 63.5° 2θ may be hidden behind the signal
from the amorphous polystyrene spheres.
A thin section was obtained using FIB milling (Figure 2A,B)

and imaged using TEM (Figure 2C) with SAED patterns being
collected (Figure 2D and Figure S3) to obtain a better mineral
identification. Lattice spacings were calculated using an electron
diffraction pattern of an aluminum standard (Figure S3A)
collected under the same conditions as the pattern of the

unknown mineral. The formula, K = Sd, was used to calculate a
constant (K) that incorporates beam wavelength, camera
length, and associated variable crystallographic data. S values
are ring diameters (cm) of the diffraction pattern of the
aluminum standard, and d is the lattice spacing in Å. An average
K value for the first five rings was used to calculate the lattice
spacings of the unknown precipitate. In the [3 0 1] direction,
there were reflections from the 1 2 3, 1 1 3, 2 1 6, and 0 3 0
planes with measured lattice spacings of 2.10, 2.11, 1.70, and
2.34 Å, respectively. Importantly, the measurement of these
lattice spacings was done independently from their identi-
fication using the software. These lattice spacings very closely
match the known lattice spacing of the aforementioned planes
for magnesite (Table 1). The electron diffraction data, crystal
morphology, and chemical composition confirmed the
precipitate to be magnesite.

3.1. Precipitation Mechanisms. To our knowledge, we
are the first to demonstrate the formation of magnesite, either
by direct precipitation from solution or by transformation from
a precursor, at room temperature. This outcome was achieved
by utilizing surfaces dense in carboxyl groups to overcome the
kinetic barrier associated with hydration of Mg2+ ions and thus
accelerating magnesite precipitation. No other precipitates were
detected or observed prior to identification of magnesite after
60 days of reaction. At this point, there were no signs of
intergrowth between magnesite and a hydrated Mg-carbonate
mineral, such as hydromagnesite, that would suggest formation
from a precursor.36 As such, direct precipitation from solution
is the likely pathway for magnesite formation in this study.
Carbonate precipitation rates are related to the exchange rate

of water molecules in the metal coordination hydration shell,
which is 5 orders of magnitude faster for Ca2+ ions than the
smaller, electron dense Mg2+ ions.12,37 Magnesium ions have a
high charge density and stable hydration spheres; the inner
sphere being comprised of six water molecules in octahedral
coordination.38,39 The outer sphere is formed from 12 water
molecules hydrogen-bonded to the inner sphere.40 The net
charge of a hydrated magnesium ion is ∼1.2+, indicating
significant charge transfer to the surrounding water mole-
cules.41 The energy cost for removal of a water molecule from
the outer and inner hydration spheres has been measured to be
5−12 and 20−80 kcal/mol, respectively.38 The sluggish
exchange of water molecules of [Mg(H2O)6]

2+ results in
precipitation rates of magnesite and dolomite being 6 and 4
orders of magnitude slower than that of calcite at 25 °C,
respectively.11,12

The inner sphere binding of [Mg(H2O)6]
2+ to a ligand may

occur when the free energy of the substitution reaction is
negative.42 For example, the exchange of water for formate ions
(HCOO−), the simplest of carboxyl group compounds, is
thermodynamically favorable for the first three substitutions,
yet unfavorable for a fourth substitution.42 Thus, ligands act to

Table 1. List of Reflections and Their Associated Lattice
Spacings for Magnesite As Compared to Those Measured for
the Unknown Mineral Precipitate (Figure 2)

reflection h k l magnesite lattice spacing (Å) measured lattice spacing (Å)

1 2 3 2.1022 2.10
1 1 3 2.1022 2.11
2 1 6 1.6999 1.70
0 3 0 1.3374 1.34
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disrupt the inner hydration shell and remove water molecules
from Mg2+. Ligands can also affect the composition of
carbonate minerals by preferentially binding a competing
cation. For instance, carboxylated organic acids can increase
the magnesium content of amorphous calcium carbonate, a
calcite precursor, due to their stronger affinity for Ca2+ in
comparison to Mg2+.43

Microbial cell walls are host to a variety of functional groups,
including carboxyl and hydroxyl groups, giving these surfaces a
net negative charge.44 Partly for this reason, microbes are
thought to play an important role in precipitating dolomite and
its precursors in the natural environment20,21 and could
similarly influence magnesite precipitation. Regarding low-
temperature dolomite precipitation, Roberts et al.22 emphasize
the importance of surfaces with high carboxyl site densities.
Nonmetabolizing archaea, Haloferax sulf urifontis, with a
carboxyl site density of 0.1 COO−/Å2 were able to induce
precipitation of dolomite.21 As an example of organo-
mineralization, Zhang et al.23 synthesized disordered dolomite
at room temperature from solutions containing either
carboxymethyl cellulose or agar. Microbes and organic matter
are ubiquitous to carbonate-forming environments and may
provide carboxylated surfaces for dehydrating Mg2+ ions in
nature.21,45 For instance, there is evidence of a microbial role in
magnesite formation in ancient lacustrine hypersaline environ-
ments;46 however, clearly the conditions for low-temperature
magnesite precipitation are rare given the scarcity of modern
deposits.26

The polystyrene microspheres used by Roberts et al.22 and in
this study have a carboxyl site density that is far greater than
that of an average bacterium (0.06 COO−/Å2) found in nature
and H. sulf urifontis that was used to induce dolomite
precipitation.22 Greater carboxyl site density may partly explain
the success of the high carboxyl site density spheres (10
COO−/Å2) and failure of the low carboxyl site density spheres
(0.7 COO−/Å2) for precipitating magnesite. In addition to site
density, the competitiveness of a ligand is also likely to affect
carbonate precipitation rates and mineralogy of precipitates.
Ligand competitiveness is partly determined by its charge,
electron density distribution, polarizability, size, and rigidity
relative to water that is binding to the cation.42 Carboxylates
have been shown to affect the relative abundances of
nesquehonite and magnesite formed through the reaction of
forsterite with supercritical CO2 (scCO2) at 50 °C and 90 bar.47

Divalent carboxylates, including malonate [CH2(COO)2
2−] and

oxalate [(COO)2
2−], can form bidentate complexes that may

better disrupt the inner hydration shell relative to monovalent
anions, such as acetate (CH3COO

−), that forms monodentate
complexes. Trivalent citrate [C3H5O(COO)3

3−] was most
effective at dehydrating Mg2+ ions, possibly due in part to the
affinity of its hydroxyl group for cations.47 Polycarboxylates
may be more effective in dehydrating Mg2+ ions in a similar
fashion as having a surface with a high carboxyl site density.
Molecular dynamics simulations investigating the effect of

Mg−H2O interaction on dolomite crystal growth revealed that
Mg is thermodynamically easily incorporated into a calcite
crystal, but then inhibits incorporation of Ca unless water is
removed from the surface.48 Consequently, a reduction in water
activity may aid in incorporating magnesium ions. For instance,
Xu et al.49 were able to form amorphous magnesium carbonate
and increase magnesium substitution into calcite precipitated in
formamide, a nonaqueous solvent. In our experiments,
magnesite crystals were commonly observed with an organic

matrix (e.g., Figure 1C), the volume of which was likely
reduced under ultrahigh vacuum in the SEM. This organic
matrix may have created localized areas of reduced water
activity due to organic−water interactions that assisted crystal
growth.

3.2. Implications for CO2 Sequestration. Modern (i.e.,
Holocene epoch) sedimentary magnesite-forming environ-
ments are rare, only forming under unique conditions such as
those found in freshwater Mg-carbonate playas that are
associated with ultramafic rocks26,30 and highly evaporative
coastal environments such as the Coorong saltwater lagoons in
South Australia.50,51 The scarcity of magnesite-forming systems
is in stark contrast to the vast Ca-carbonate deposits on Earth,
which contain roughly five million times more carbon in
comparison to annual global greenhouse gas emissions,1,3

despite magnesite (SI = 0.73) being more supersaturated in
seawater than calcite (SI = 0.53). Presumably, the Earth’s
carbon cycle would be dramatically different if magnesite
formed with the same ease as calcium carbonatedeposits of
magnesite would be globally expansive and store massive
amounts of Earth’s carbon. With regard to stability, magnesite
occurring in freshwater playas has formed over 100s to 1000s of
years, suggesting a level of stability required for long-term
storage of CO2.

1 As is the case for dolomite, the estimated
precipitation rate for magnesite at Earth’s surface conditions11

may be sufficient to explain its occurrence in the geologic
record, yet is exceedingly too slow to garner interest as a
pathway for permanent storage of anthropogenic CO2. Using
high-density carboxylated surfaces to accelerate magnesite
formation at ambient temperature could lend itself to securely
storing CO2.
One approach to ex situ mineral carbonation involves the

reaction of ultramafic rocks with CO2 at high temperatures and
pressures to form magnesite and silica.3 Although magnesite
formation occurs relatively rapidly at high temperature and
pressure, carbonation rates may still be limited by magnesite
precipitation.29 Furthermore, the costs for pretreatment, energy
use, and chemical inputs for ex situ mineral carbonation at high
temperature (∼$50−300/t CO2) greatly exceed current carbon
prices (e.g., California Carbon Allowance ≈ $13 US/t), severely
limiting the application of these technologies.3 Carbonation at
ambient temperature and pressure generally requires more
favorable chemical conditions in terms of pH and Mg and
dissolved inorganic carbon concentrations for the precipitation
of metastable hydrated Mg-carbonate minerals than those
required to reach magnesite saturation. For instance,
nesquehonite precipitates at near equilibrium conditions (e.g.,
SI ≈ 0) during aqueous carbonation of brucite [Mg(OH)2],
whereas magnesite remains highly supersaturated (e.g., SI ≈
2.7).52 In our experiments, precipitation occurred in solutions
only slightly supersaturated with respect to magnesite and
without additional energy input. Moreover, microscopy of the
final solids indicates that the carboxylated spheres were not
consumed during reaction, indicating that further reaction is
possible.
An alternative to silicate and hydroxide mineral feedstocks is

to use evaporite deposits, waste brines, produced waters from
oil extraction, and a virtually unlimited supply of seawater as
feedstock for carbonate precipitation, thereby eliminating the
need for mineral dissolution.1 The abundance of readily
available cation sources provides large CO2 sequestration
capacity.1 For instance, the oil industry generates an estimated
8 Gt/yr of produced water, and 10 Gt/yr of reject brines with
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Mg concentrations ranging from 30 to 60 g/L and 0.5 to 20 g/
L, respectively.53 In comparison to seawater,54 the composi-
tions of these waters are highly variable.55 Seawater is
supersaturated with respect to magnesite (SI ≈ 0.7), whereas
hydrated Mg-carbonate minerals such as hydromagnesite are
undersaturated (SI ≈ −5.7), and therefore offer no carbon
sequestration capacity. On the other hand, equilibrium
precipitation of magnesite from seawater would sequester 2.0
g CO2/L if pH were maintained and seawater kept at
equilibrium with atmospheric CO2. Upscaling the processes
of magnesite precipitation demonstrated in this study could
prove to be advantageous for ex situ carbonation strategies. The
use of organic ligands for enhancing silicate dissolution for
mineral carbonation has been shown to have an inhibitory
effect on carbonate precipitation rates.56 Researchers attribute
this effect to the formation of surface complexes on the
carbonate mineral or changing of the saturation state of the
fluid.56−61

Geologic CO2 sequestration involves injection of CO2 into
subsurface geologic formations including saline aquifers as well
as mafic and ultramafic bodies.62−65 Long-term (1000+ years)
storage of CO2 preferably relies on precipitation of carbonate
minerals in the subsurface. Magnesite has been produced by
reacting synthetic forsterite with wet scCO2 at temperatures of
35 °C16,47 and 50 °C,66 conditions relevant to CO2 injection
into geologic reservoirs. Magnesite precipitation at 50 °C in
scCO2 (90 bar) correlates with the equilibrium constants for
lignand−Mg2+ association reactions.47 Miller et al.47 suggest
that ligand-promoted Mg2+ dehydration is likely enhanced in
thin water films on mineral surfaces due to the highly ordered
nature of this water that has dielectric constants that are much
lower than bulk water phase, thereby enhancing ligand−H2O
exchange reactions. The presence of organic ligands able to
partially dehydrate Mg2+ ions in the subsurface at scCO2
injection sites may offer faster precipitation rates for securely
storing CO2. While upscaling our experimental systems remains
a challenge, the potential for removing kinetic barriers for
magnesite precipitation has implications for both ex situ and in
situ carbonation processes at low temperature.
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