
Testing the cation-hydration effect on the
crystallization of Ca–Mg–CO3 systems
Jie Xua,1,2, Chao Yana,3, Fangfu Zhangb,3, Hiromi Konishib,4, Huifang Xub, and H. Henry Tenga,1

aDepartment of Chemistry, George Washington University, Washington, DC 20052; and bDepartment of Geoscience, University of Wisconsin–Madison,
Madison, WI 53706

Edited by Thure E. Cerling, The University of Utah, Salt Lake City, UT, and approved September 19, 2013 (received for review April 23, 2013)

Dolomite and magnesite are simple anhydrous calcium and/or
magnesium carbonate minerals occurring mostly at Earth surfaces.
However, laboratory synthesis of neither species at ambient tem-
perature and pressure conditions has been proven practically possi-
ble, and the lack of success was assumed to be related to the strong
solvation shells of magnesium ions in aqueous media. Here, we
report the synthesis of MgCO3 and MgxCa(1−x)CO3 (0 < x < 1) solid
phases at ambient conditions in the absence of water. Experiments
were carried out in dry organic solvent, and the results showed
that, although anhydrous phases were readily precipitated in
the water-free environment, the precipitates’ crystallinity was
highly dependent on the Mg molar percentage content in the
solution. In specific, magnesian calcite dominated in low [Mg2+]/
[Ca2+] solutions but gave way to exclusive formation of amor-
phous MgxCa(1−x)CO3 and MgCO3 in high-[Mg2+]/[Ca2+] and
pure-Mg solutions. At conditions of [Mg2+]/[Ca2+] = 1, both
nanocrystals of Ca-rich protodolomite and amorphous phase of
Mg-rich MgxCa(1−x)CO3 were formed. These findings exposed a
previously unrecognized intrinsic barrier for Mg2+ and CO3

2− to
develop long-range orders at ambient conditions and suggested
that the long-held belief of cation-hydration inhibition on dolo-
mite and magnesite mineralization needed to be reevaluated. Our
study provides significant insight into the long-standing “dolomite
problem” in geochemistry and mineralogy and may promote a bet-
ter understanding of the fundamental chemistry in biomineraliza-
tion and mineral-carbonation processes.
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Rarely is there a geological challenge that has endured as long
a search for answers as the “dolomite problem” has. Iden-

tified more than 220 y ago by the French mineralogist Déodat de
Dolomieu, the calcium magnesium carbonate mineral known as
dolomite [CaMg(CO3)2] has since been synthesized repeatedly
but exclusively at high-temperature and, in some instances, high-
pressure conditions (1–4). However, in many cases other than
igneous-originated carbonatite and deep-burial dolomitization,
the formation of dolomitic phases (e.g., microbial and cave
deposits) are certainly not associated with such high-temperature
and/or -pressure environments (5–8). This obvious discrepancy,
compounded by the sharp contrast of massive ancient dolomite
formations to the scarcity of modern observations, prompted an
arduous search for answers for the past two centuries and, be-
cause of a lack of success, has been referred to as the dolomite
problem (6, 9–16). Our inability to form dolomite at ambient
conditions is hardly the only challenge in mineralogy; a similar
situation exists in the case of pure magnesium carbonate [mag-
nesite (MgCO3)], which has posed the same level of difficulty to
nucleate and grow at room temperature and atmospheric pres-
sure in laboratories but frequently occurs in natural sedimentary
settings at earth (sub)surfaces. Interestingly, both dolomite and
magnesite belong to the mineral class of anhydrous carbonates.
Thus, it becomes logical to surmise that the dolomite problem
and the magnesite problem probably share the same root, that is,
the difficulty to incorporate unhydrated magnesium ions into car-
bonate from aqueous solutions without appealing to temperature

and/or pressure changes. Given the 50% abundance of dolomites
in the world’s carbonate reservoirs (6, 17) and the potential of
magnesium carbonate for carbon sequestration (18, 19), as well
as the critical role of Mg in carbonate biomineralization (20–22),
it is safe to assume that scientific interests in the Ca–Mg–CO3
system will remain for years to come.
Aqueous-phase reactions between Mg2+ cations and CO3

2−

anions at ambient temperature and pressure conditions yield
exclusively hydrated [e.g., barringtonite MgCO3·2H2O; nesque-
honite MgCO3·3H2O; and lansfordite, MgCO3·5H2O] or basic
forms [e.g., hydromagnesite, Mg5(CO3)4(OH)2·4H2O; dypingite,
Mg5(CO3)4(OH)2·5H2O; and artinite, Mg2(CO3)(OH)2·3H2O] of
Mg-carbonate (23, 24). Nesquehonite is the most commonly
formed phase under low temperature and pressure [e.g., 25 °C
and a pCO2 of ∼10−2 atm (25–27)], whereas hydromagnesite and
other basic forms become dominant in an intermediate tem-
perature range [e.g., 40–60 °C (28–30)]. Despite being the most
stable phase at all conditions, the anhydrous salt, magnesite, was
reported to form only at a much elevated temperature and pres-
sure [e.g., ∼90–180 °C and pCO2 > 50 atm (31–34)].
The difficulty in precipitating magnesite (and dolomite) from

ambient aqueous solutions was first suggested to be related to
the strong hydration status of Mg2+ ions in a hypothesis (35) that
has since been corroborated by numerous pieces of circumstantial
evidence (15, 22, 36). Indeed, both experimental and computa-
tional studies revealed the presence of a stable inner-sphere
hydration shell around Mg2+ ions that contains six water molecules
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in an octahedral arrangement and has a water exchange rate five
orders of magnitude slower than that for Ca2+ (37–39). An ad-
ditional outer shell composed of up to 12 water molecules also
exists through hydrogen bonding to the inner shell. The presence
of tight hydration shells around Mg2+ is consistent with the
results of molecular-orbital calculations that show the solvation
free energy (per water molecule) for Mg2+ ions is as much as 60%
higher than that of Ca2+ in both the inner and outer shells (40, 41).
The strong Mg2+–water association is rationalized by the high
charge density of Mg2+ ions resulting from their small ionic radius.
In addition, the net charge on the central magnesium ion of a
stabilized [Mg(H2O)6]

2+ complex was found to be only ∼1.18 (42),
indicating the occurrence of significant charge transfer between
Mg2+ and the surrounding water molecules and a more covalent
nature of the Mg–O bonding within the hydration shells. Such
finding is further validated by recent experimental observations
that collision between [Mg(H2O)n]

2+ clusters can generate solvated
magnesium hydroxide complexes MgOH+(H2O)n or monocations
Mg+(H2O)n by inducing electron transfer from the associated
H2O molecules to the Mg2+ cations (39, 43–45).
Despite the large body of literature documenting the assumed

inhibitory role of cation hydration, little work has been found to
directly test the solvation effect. Thus, the current understanding
of the part that water plays in obstructing magnesite (and do-
lomite) formation leads to an intriguing and yet fundamental
question: will anhydrous Mg carbonate salts precipitate readily if
the cation solvation is nonaqueous and weaker than hydration
shells? To the best of our knowledge, no data are available in the
literature concerning the crystallization of magnesite (or dolo-
mite) in nonaqueous solutions. In the present study, we ex-
plored the possibility of magnesite (MgCO3) and dolomite
[CaMg(CO3)2] formation under ambient conditions in dry
formamide [an organic solvent (O=CH–NH2)]. We chose
formamide because it has a high dielectric constant (e = 109.8)
and resembles water in many physical properties, such as density,
dipole moment, and surface tension. The strong polarity of
formamide allows us to prepare high-concentration solutions
containing Mg2+ (and Ca2+) cations or CO3

2− anions. In addi-
tion, the hydrogen bonding between formamide molecules is
more poorly developed than that between water molecules be-
cause of the stronger steric effect (46), indicative of a much
weaker solvation around the solute ions.

Results and Discussion
We began our experiments by first making stock solutions of 0.1 M
MgCl2 (stock 1), 0.1 M (Ca,Mg)Cl2 (stock 2), and 0.1 M Cs2CO3
(stock 3) in formamide. Stock 2 was made such that [Mg2+] +
[Ca2+] = 0.1 M, whereas the Mg/Ca (molar) ratio varied from 1:5
to 5:1. We then carried out the synthesis by mixing or titrating
stock 3 into stock 1 or stock 2 at room temperature in an open
(to air) setting (Methods). Consistent with the prediction of
cation-hydration hypothesis, precipitation occurred either im-
mediately upon the mixing or gradually during the titration. X-
ray diffraction (XRD) analyses of the isolated solid phases (Fig. 1),
however, showed that the precipitates’ crystallinity was highly
dependent of the Mg molar percentage content in the solution.
In the pure-Mg system (combination of stocks 1 and 3) (Fig. 1A),
exclusively amorphous material was formed. Infrared (IR)
spectroscopy analyses of these amorphous phases (Fig. 2) con-
firmed that they were composed of disordered carbonate with
characteristic peaks in the 870, 1,080, and 1,430 cm−1 regions and
were anhydrous in nature (no water absorption near 3,400 cm−1).
In the high-Mg, mixed-cation experiments (the combination of
stocks 2 and 3), the lack of crystallinity remained as the precip-
itates from solutions with a Mg/Ca ratio of 5:1 and 2:1 showed no
diffraction peaks in their XRD spectra (Fig. 1 B and C). We note
that the amorphous nature of the precipitates from high-Mg
systems was not altered by changing the mixing rate of the

stock solutions (e.g., by titrating stock 3 into stock 1 or 2 over
a period of ∼4 h or mixing the two within 1 min). Continuous
decline in the solution Mg content finally led to the development
of crystalline phases in the precipitates. For example, at a Mg/Ca
ratio of 1:1, disordered protodolomite of moderate crystallinity
was observed (Fig. 1D); at a Mg/Ca ratio of 1:2 and 1:5, mag-
nesian calcite of good crystallinity was formed (Fig. 1 E and F).
Using a previously established method (47), we determined the
Mg contents in the crystalline phases to be ∼37 mol % (1:1),
∼23–25 mol % (1:2), and 9–10 mol % (1:5), respectively.
Inductively coupled plasma–optical emission spectroscopy (ICP-
OES) analyses of the dissolved precipitates in 1% HNO3 solu-
tion (Table 1) fully corroborated the XRD results, showing that
Mg accounts for 71, 60, 40, 26, and ∼15 mol % of the total
cations in the 5:1, 2:1, 1:1, 1:2, and 1:5 samples, respectively. It is
noteworthy that the amorphous solids formed in the high-Mg
systems (e.g., 2:1, 5:1, and pure-Mg) were stable as no discernible
XRD patterns were observed in these samples ∼120 d after
the synthesis.
The evolving crystallinity and composition in the precipitates

from different solutions were further verified by imaging and
selected-area electron diffraction (SAED) analyses using scan-
ning-electron microscopy (SEM) and high-resolution transmission
electron microscopy (HR-TEM) coupled with energy-dispersive
spectroscopy (EDS). The SEM and TEM micrographs indicated
that the solids formed in pure-Mg solutions (Figs. 3A and 4A1)
and high Mg/Ca (5:1, 2:1; Figs. 3B and 4B1) were composed of

(a) Pure Mg

(b) 1Ca:5Mg

(c) 1Ca:2Mg

(d) 1Ca:1Mg

(e) 2Ca:1Mg

(f) 5Ca:1Mg

Calcite
Dolomite

XRD Analyses of the Precipitates

Fig. 1. XRD analyses of the precipitated solids in formamide solutions at
22 °C, atmospheric conditions. The corresponding peak positions for calcite
(green) and dolomite (red) are indicated.

Fig. 2. IR spectroscopy analysis of the amorphous solids formed in pure-
magnesium and high-[Mg2+]/[Ca2+] solutions.
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nano-sized aggregates with no specific crystal habit, whereas those
in low Mg/Ca conditions (1:5, 1:2; Fig. 3D and 4D1) appeared as
(sub)micron-sized crystals, in agreement with the XRD analyses.
Imaging analyses also identified a morphological change in the
crystal shape with increasing [Mg2+] in the solution [e.g., from
well-developed euhedral in the 1:5 system (Fig. 3D) to that
elongated in the c-direction in the 1:2 system (Fig. 4D1, arrow)],
consistent with a previous atomic force microscopy observation
(48) of corner rounding at the +/− intersection sites on calcite
rhombohedra attributable to the Mg2+ effect. The SAED and
EDS data collected at various locations within each sample pro-
vided additional information concerning the compositional ho-
mogeneity and Mg/Ca ordering of the obtained solids. Specifically,
the precipitates in high-Mg/Ca and pure-Mg solutions exhibited
highly homogeneous amorphicity with predominant Mg contents
(95 mol % for pure Mg and 73 mol % for 5:1 Mg/Ca) (Fig. 4 A1
and B1, and insets). In contrast, the 1:1 samples displayed
inhomogeneity by comprising both amorphous and crystalline
phases (Fig. 4C). It was confirmed that the crystalline phase in the
1:1 samples consist of nanoscale protodolomite crystals (Fig. 4C2)
with randomly distributed Mg2+ and Ca2+ in the lattice. In-
triguingly, there seemed to be a threshold level of Mg (in molar
percentage) that determines the development of crystallinity in
these solids (Fig. 4C1 and insets) because the polycrystalline phase
contained consistently lower molar percentages (∼38 mol %) of
MgCO3 than their amorphous counterparts (∼47 mol %) formed
in the same 1:1 solution. The MgCO3 content in the rhombohe-
dral to oval-shaped crystals (Fig. 4D1) formed in the low-Mg
systems (i.e., 1:2) was estimated to be ∼30 mol % by EDS (Fig.

4D2 and inset), in line with the XRD (23–25%) and ICP-OES
(26%) results.
Both EDS (Fig. 4) and ICP-OES (Table 1) detected the

presence of small quantities (3–5 mol %) of Cs in the precip-
itates, more in amorphous phases than in crystals. The higher
level of Cs associated with lower crystallinity, along with the
coupled appearance of Cs and Cl in the EDS spectra (Fig. 4,
Inset), indicated that a significant portion of the Cs was surface-
bound such as trapped residual solute or sorbed species.
These findings are of significance for a number of reasons.

Firstly, the lack of crystallinity in the precipitates harvested in
magnesium-only and high-Mg/Ca solutions suggests that long-
range orders in the MgxCa(1−x)CO3 solid cannot be readily achieved
at high magnesium percentage content (x > 0.38 in our experi-
ments), exposing a previously unrecognized intrinsic difficulty
for Mg2+ and CO3

2− to attain the R3 2/c (in magnesite) or R3 (in
dolomite) arrangements at ambient conditions. It is noteworthy
that such difficulty is unlikely caused by the reaction kinetics of
Mg2+ and CO3

2− because varied mixing rates (i.e., slow titration
versus quick mixing) showed little effect on the precipitate’s
morphology and crystallinity. Secondly, in light of the widely
reported crystallization of magnesium carbonate hydrates such as
nesquehonite (MgCO3·3H2O) (monoclinic, P21/n) from aqueous
environments at ambient conditions, the observed formation of
amorphous MgCO3 anhydrates in the present study implies that
water facilitates the nucleation process by direct incorporation
into the lattice. Thirdly, comparing the partitioning behavior of
Mg in this study (in formamide) with those in previous work
(in water) (Fig. 5), we found that far higher molar percentage of
Mg was incorporated into the crystalline solids (calcite) formed
in nonaqueous environments. For example, the distribution co-
efficient for Mg,DMg = (Mg/Ca)solid/(Mg/Ca)solution, was estimated
to be ∼0.6–0.8 in this study, about one order of magnitude higher
than that in water at similar conditions (0.02–0.09, depending on
the specific experiments) (49–52). This observation is consistent
with the hypothesized role of water in limiting Mg-rich carbonate
formation and likely constitutes direct evidence that quantifies the
hindrance of cation hydration on Mg2+ incorporation into calcite
lattice. Lastly, our experimental approach provided a synthetic
route to produce anhydrous amorphous magnesium carbonate
at room temperature and atmospheric pCO2, which may help to
extend the current effort in understanding amorphous calcium
carbonate (20, 53–55) to amorphous magnesium carbonate
(AMC), both of which provide a low-energy pathway for carbon-
ate mineralization in biological (organic-rich) environments. To
the best of our knowledge, no literature report is available to date
documenting the formation of anhydrous AMC, although the syn-
thesis of hydrous forms, Ca(1−x)MgxCO3·nH2O (0 ≤ x ≤ 1), was
achieved at elevated temperature (19).
We ascribe the major difficulty in anhydrous MgCO3 miner-

alization at ambient conditions to the reduced freedom of the
CO3 groups in magnesite that, consequently, incurs a high-energy
(chiefly from entropy decrease) penalty for the crystallization
process. Previous studies on the crystal structure of carbonate
minerals revealed that Mg and O form much more compact
octahedra in magnesite than Ca and O do in calcite. As a result,

Table 1. Analysis of chemical compositions for the precipitated solids using ICP-OES

Nominal Ca/Mg
ratios

[Ca2+] molar percentage in the
precipitates

[Mg2+] molar percentage in the
precipitates

[Cs+] molar percentage in the
precipitates

5:1 81.0 15.4 3.6
2:1 69.5 25.7 4.8
1:1 56.0 39.7 4.3
1:2 34.6 60.0 5.4
1:5 23.9 71.3 4.8

1Mg:5Ca1Mg:1Ca

5Mg:1CaPure Mg

DC

BA

Fig. 3. SEM images of the precipitated solids in formamide solutions. (A) Pure
magnesium. (B) [Mg2+]/[Ca2+] = 5:1. (C) [Mg2+]/[Ca2+] = 1:1. (D) [Mg2+]/[Ca2+] =
1:5. (Scale bars: 200 nm.) Note the euhedral crystal shape in the 1:5 samples
and the lack of morphological patterns in the 5:1 and pure-Mg precipitates.
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the CO3 groups in magnesite have far less freedom of motion
than those in calcite, although the C–O interatomic distance is
nearly uniform in the two minerals because of the stronger
interactions between the Mg–O octahedra (56–61). For example,
the CO3 group within the calcite structure can undergo trans-
lational, librational (i.e., rotational), or screw motions depending
on the energy level of the environment (59), whereas only
translational motion is allowed for the CO3 group in magnesite
(57). The enhanced lattice restriction in magnesite is also con-
firmed by the outcome of structural refinement for calcite and
magnesite formed under different temperature/pressure conditions
(57, 62–67). Specifically, the C–O and O–O interatomic dis-
tances in the magnesite-CO3 groups maintain a much higher
stability when external conditions change, resulting in a lower
overall distortion in the groups at higher temperature/pres-
sure, presumably due to the stronger confinement by the highly
compact and rigid Mg–O octahedra. Some researchers (67, 68)
even suggested that the CO3-structural change is mainly re-
sponsive to the expansion/compaction of the Mg–O octahedra
at the elevated temperature/pressure.
Building on these lines of previous understanding, we deduce

that the specific configuration of Mg and CO3 in magnesite, where
the CO3 groups are precisely and securely interlocked between the
Mg–O octahedra, may be rather difficult to reach at ambient
conditions. Unless the Mg–O octahedra are efficiently compressed
so that the CO3 group can have more freedom in motion (Fig. 6),
the energy barrier for forming an ordered Mg–CO3 arrangement
may be too high to be overcome at low-temperature/pressure
conditions because of the entropic loss associated with the atoms’
strict spatial distribution. Therefore, we attribute the main force
inhibiting Mg–CO3 crystallization in water-free environments to
the thermodynamic hindrance resulting from the entropy decrease
associated with intensified restrictions on the CO3 groups
in magnesite.

Other than the high-energy barrier for establishing long-range or-
der in anhydrousMgCO3 salt, the amorphism of theMgxCa(1−x)CO3
phases (x > 0.37) in our high-Mg systems may also result from the
internal lattice strains and stresses induced by the significant
mismatches of size and charge density between Mg2+ and Ca2+.
Both experimental and computational investigations in the liter-
ature provided evidence indicating that calcite crystals with low
concentrations of Mg are stable in structure (19, 69–71); these
studies, however, predicted that high concentrations ofMg (≥∼50

Fig. 4. TEM and EDS analyses of the precipitated
solids. (A, 1) Micrograph of the precipitates in the
pure-Mg system. The SAED (Lower Left) and EDS
(Upper Right) analyses indicated that these solids
were amorphous and composed of ∼94 mol %
MgCO3. (B, 1 and B, 2) Micrograph displaying fine-
grained (B, 1) and amorphous (B, 2) structure of the
precipitates in the 5:1 system. EDS spectrum (B, 1,
Inset) confirmed the predominant occurrence of
MgCO3 (73 mol %) with minor components in Ca,
Na, Cl, and Cs. SAED pattern (B, 2, Inset) revealed
the homogeneity of the amorphous nature. (C, 1)
Amorphous and oval-shaped-crystalline phases
formed in the 1:1 solution. EDS analyses identified
47 mol % of MgCO3 in the amorphous phase (upper
spectrum for the dashed circle) and 37 mol % in the
crystals (lower spectrum for the solid circle). Trace
amounts of Cs, Na, and Cl were also detected. (C, 2)
Close examination and SAED analyses of an oval-
shaped unit revealing its polycrystalline nature.
Note the characteristic diffraction arcs for Ca-rich
protodolomite and the lack of (003) superlattice
reflections, suggesting the random distribution of
Ca2+ and Mg2+ in these crystals. (C, 3) High-resolu-
tion images of the oval-shaped crystals with a fast
Fourier transform pattern for the [010] zone axis
showing the lattice fringe of Ca-rich protodolomite.
(D, 1) Round-cornered rhombohedral crystals con-
taining ∼32 mol % of MgCO3 (estimated from EDS
spectrum Inset) collected in the 1:2 solution. (D, 2)
EDS spectrum for a selected area of the 1:2 sample.

Fig. 5. Comparison of the Mg-distribution coefficients in the crystalline/
amorphous Mg–Ca–CO3 phases formed in formamide (this study) and in
water (previous studies). The results for this study are based on ICP-OES (solid
triangle) and XRD (void triangle) analyses, respectively. The results for pre-
vious studies are average values (with error bars) of those from Mucci and
Morse (49), Mucci (50), Hartley and Mucci, (51), and Huang and Fairchild (52).
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atom %) may prevent crystal formation because of the increasing
structural stiffness and distortion resulting from the random Mg
substitution of Ca (72, 73). Recent studies (73) using computa-
tional methods reported that substituting Ca by Mg in calcite
crystals can alter the cation–C and the cation–cation interatomic
distances significantly and cause local tilt of the CO3

2− groups
while maintaining the C–O (within the CO3

2−) and the cation–O
bond lengths constant. Moreover, literature data indicated that
pyramidal distortion of the CO3 group needs to occur inmagnesite
to satisfy the R3 c space-group symmetry (74, 75). Altogether,
these structural distortions at high lattice-Mg content will stiffen
the crystal structure by reducing the equilibrium volume and
raising the bulk modulus. Our experimental observations that no
crystalline phase with a Mg molar percentage greater than ∼37%
can precipitate directly from high-Mg solutions is largely in line
with these previous lines of understanding.

Conclusion
In summary, we have approached the long-standing geochemical
question of why anhydrous high-Mg carbonate minerals (i.e.,
magnesite and dolomite) cannot crystallize at ambient conditions
by exploring the formation of MgCO3 and MgxCa(1−x)CO3 in
nonaqueous solutions. Data collected from our experiments sug-
gest that a fundamental barrier, other than cation hydration, exists
that prevents Mg2+ and CO3

2− ions from forming long-range or-
dered structures. We propose that this barrier mainly stems from
the lattice limitation on the spatial configuration of CO3 groups
in magnesite crystals. On the other hand, the measured higher
distribution coefficients of Mg between magnesian calcites
formed in the absence and presence of water give us direct proof

to support and quantify the cation-hydration effect. These findings
may expand our current understanding of the Mg(–Ca)–CO3
system and provide important insight into dolomite/magnesite
formation, as well as the processes involved in biomineralization
and mineral carbonation.

Methods
All chemicals and solvents used in the synthesis experiments were of
American Chemical Society or higher grade and purchased from Sigma-
Aldrich. Before use, the glassware was thoroughly cleaned and dried, and
both the inorganic chemicals (including MgCl2, CaCl2, and CsCO3) and the
glassware were maintained at 60 °C in an oven. Stock solutions containing 100
mM Mg2+ (stock 1), Mg2+/Ca2+ mixture (stock 2), or CO3

2− (stock 3) were pre-
pared, respectively, by dissolving certain amounts of MgCl2, MgCl2, and CaCl2,
or Cs2CO3 in 50 mL of formamide (99.5% purity) with the assistance of stirring
bars. Cs2CO3 was chosen for the experiment mainly because of its higher sol-
ubility in formamide (than Na2CO3 or K2CO3), which allowed us to prepare
uniform and clear solutions. For stock 2, the total concentration of MgCl2 and
CaCl2 was fixed, whereas variedMg-to-Ca concentration ratios ([Mg]/[Ca]) were
created (5:1, 2:1, 1:1, 1:2, and 1:5). In the synthesis experiments, stock 3 was
either slowly titrated or fast-poured into stock 1/2 to produce precipitates.
Once the precipitates settled (which was rather slow and took ∼5–6 d), the
supernatant was removed using glass pipettes. The remaining solids were then
washed in fresh formamide three times to remove the residual Cs+ and Cl− ions
in the solution, following which the washed samples were dried in a desiccator
placed in the fume hood. All of the experiments were conducted in triplicates
at room temperature (22 ± 1 °C) and atmospheric conditions.

The structure and elemental composition of the precipitates were char-
acterized by XRD, IR spectroscopy, SEM analyses, and high-resolution
transmission electronmicroscopy (HR-TEM) coupledwith an EDS, respectively.
XRD analyses were carried out using a Rigaku Rapid II XRD system (Mo Kα
radiation). The powder samples were contained in thin-wall glass capillaries,
which do not introduce background on XRD patterns. Diffraction data were
collected on a 2D image-plate detector. The 2D images were then integrated
to produce conventional 2θ versus intensity patterns using Rigaku 2DP
software. We note that most of the characteristic peaks for calcite and do-
lomite can be covered within a 2θ of 35° (∼1.18 Å) using Mo Kα radiation,
which corresponds to a 2θ of ∼80° (∼1.2 Å) if the system used Cu Kα as ra-
diation source (76). SEM samples were prepared by dispersing powders on
carbon tapes and then lightly carbon-coated (50- to 100-Å coating). SEM
observations were performed using a high-resolution field emission LEO
1530 SEM. TEM and SAED analyses were carried out using a Philips CM 200UT
microscope (with a spherical aberration coefficient of 0.5 mm and a point-to-
point resolution of 0.19 nm). TEM-based EDS analyzer (NORAN Voyager) was
also used to measure the content ratio of MgCO3 to CaCO3 in the thin speci-
men of each sample, and the method has been described in detail elsewhere
(47). Cliff–Lorimer k factors for Mg and Ca were obtained using a well-char-
acterized dolomite standard from Delight (49.43 mol % CaCO3, 50.48 mol %
MgCO3, and 0.09 mol % FeCO3 by electron microprobe analyses). The analysis
errors for the chemical compositions quantified with the EDS method were
estimated to be within ∼2 mol % for all of the samples. To accurately de-
termine the molar percentage contents of Mg, Ca, and potential Cs in the
precipitates, we dissolved each solid sample fully in 1% HNO3 solution and
diluted certain times before measuring the concentrations of available ions
(i.e., Mg2+, Ca2+, and Cs+) using ICP-OES (Perkin-Elmer; Elan 9000).
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