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This study reports the solubility constants of both synthetic and natural hydromagnesite (5424) determined
in NaCl solutions with a wide range of ionic strength regarding the following reaction:

Mg5ðCO3Þ4ðOHÞ2·4H2OðcrÞ þ 10Hþ⇆5Mg2þ þ 4CO2ðgÞ þ 10H2OðlÞ

Solubility experiments were conducted from undersaturation in deionized water and 0.10–4.4 m NaCl
solutions at PCO2

of 10−3.4 atm and22.5 °C, and lasting up to 1870 days. Based on the specific interaction theory,
the weighted average solubility constant at infinite dilution calculated from the experimental results in 0.10–
3.2 m NaCl solutions using the natural hydromagnesite (5424) from Staten Island, New York, is 58.39±0.40
(2σ) in logarithmic units at 22.5 °C with a corresponding value of 57.93±0.40 (2σ) at 25 °C. Similarly, the
weighted average solubility constant using the natural hydromagnesite (5424) fromGabbs, Nevada, is 59.54±
0.72 (2σ) in logarithmic units at 22.5 °Cwith a corresponding value of 59.07±0.72 (2σ) at 25 °C. Theweighted
average solubility constant of synthetic hydromagnesite (5424) determined from experiments in 0.10–4.4 m
NaCl solutions is 61.53±0.59 (2σ) in logarithmic units at 22.5 °C with a corresponding value of 61.04±0.59
(2σ) at 25 °C. The natural hydromagnesite has lower solubilities because of its higher crystallinity related to
their origins than synthetic hydromagnesite. The solubility constant of synthetic hydromagnesite is about one
order ofmagnitude lower than the literature values. The Gibbs free energies of formation at the reference state
(25 °C, 1 bar) are −5896±2 kJ mol−1, –5889±4 kJ mol−1, and −5,878±3 kJ mol−1 for the natural
hydromagnesite from Staten Island, New York, from Gabbs, Nevada, and for the synthetic hydromagnesite,
respectively.
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1. Introduction

Industrial-grade MgO consisting mainly of the mineral periclase is
the only engineered barrier certified by the Environmental Protection
Agency (EPA) for emplacement in the Waste Isolation Pilot Plant
(WIPP) in the U.S. (U.S. DOE, 1996, 2004), and an Mg(OH)2-based
engineered barrier consisting mainly of the mineral brucite is to be
employed in the Asse repository in Germany (Schűessler et al., 2002).
Therefore, the reaction path in the MgO-H2O-CO2 system (Xiong and
Snider, 2003; Xiong and Lord, 2008) becomes important in nuclear
waste management. The experimental studies in solutions up to ~7 M
ionic strength at laboratory room temperature and atmospheric CO2

have indicated that MgO is first hydrated as brucite, which in turn is
carbonated as Mg5(CO3)4(OH)2·4H2O (termed as hydromagnesite
(5424) thereafter) (Xiong and Snider, 2003; Xiong and Lord, 2008). As
MgO is in excess relative to CO2 that may be produced, the brucite–
hydromagnesite (5424) assemblage would buffer fCO2

in the reposi-
tory for considerable time before hydromagnesite (5424) converts to
magnesite (MgCO3). Consequently, the thermodynamic properties of
this assemblage are of significance to the performance assessment
(PA) as actinide solubility is strongly affected by fCO2

. Therefore,
accurate knowledge of thermodynamic properties of both brucite and
hydromagnesite (5424) becomes important. Accordingly, the ther-
modynamic properties of brucite have recently been determined in a
wide range of ionic strengths from both supersaturation and under-
saturation (Xiong, 2003, 2008).

Geologically, sedimentary hydromagnesite has been observed in
saline lakes in Australia, Canada, and Turkey (e.g., Last, 1992; Renaut,
1993; Braithwaite and Zedef, 1994; Camur and Mutlu, 1996; Zedef
et al., 2000). The formation of hydromagnesite in karst caves has also
been reported (Fischbeck and Müller, 1971). In addition, hydromag-
nesite is also observed as the very late stage constituents of the
Mississippi Valley type (MVT) Pb–Zn deposit in the northern Pennine
orefield, northern England (Green and Young, 2006). Therefore, the

http://dx.doi.org/10.1016/j.chemgeo.2011.03.005
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Fig. 1. XRD patterns of natural hydromagnesite from Staten Island, New York, and
Gabbs, Nevada, and synthetic hydromagnesite, before experiments.
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accurate knowledge of thermodynamic properties of hydromagnesite
would also be useful in understanding the geochemical environments
responsible for the formation of hydromagnesite under surface
conditions as well as under hydrothermal conditions. In turn, such
understanding would be highly relevant to sequestration of CO2 in
mafic and ultramafic rocks.

Previous studies on the thermodynamic properties of hydromag-
nesite were mainly conducted in the 1960's and 1970's (Table 1).
Recently, hydromagnesite has attracted renewed interest from
researchers in various fields because of its importance in nuclear
waste isolation (e.g., Xiong andSnider, 2003; Xiong and Lord, 2008), its
many industrial applications (e.g., Li et al., 2003), and its importance in
CO2 sequestration (e.g., Xiong and Lord, 2008). As mentioned in Xiong
and Lord (2008), there are two stoichiometric formulas for hydro-
magnesite. One is hydromagnesite (5424) as mentioned above, and
the other is Mg4(CO3)3(OH)2·3H2O, termed as hydromagnesite
(4323) (Xiong and Lord, 2008). The natural occurrence of hydro-
magnesite (4323) is in Kozani, Greece (Stamatakis, 1995). It can be
seen from Table 1 that there is a considerable discrepancy regarding
the thermodynamic properties of hydromagnesite (5424) in the
literature. For instance, the Gibbs free energy of formation varies from
5,859.8 to −5,896 kJ mol−1 with a difference of ~36 kJ mol−1

(Table 1). Similarly, the standard entropy in the literature ranges
from503.7 to 541.3 J mol−1 K−1with a difference of ~38 J mol−1 K−1.
The thermodynamic properties given by Garrels et al. (1960),
Langmuir (1965) and Wagman et al. (1982), refer to hydromagnesite
(4323). There is also a considerable difference in terms of Gibbs free
energy of formation for this phase. Therefore, it is desirable to re-
determine the thermodynamic properties of hydromagnesite.

2. Methodology

Three starting materials were used in this study. The first starting
material is the natural hydromagnesite from Basic Refractories Mine,
near Gabbs, Nevada, purchased from Excalibur Mineral Company. The
second starting material is the natural hydromagnesite from Staten
Island,NewYork, purchased fromWard'sNatural ScienceCompany. The
third starting material was synthesized from a solution started with
deionized (DI) water and Mg(OH)2 (brucite) at room temperature by
sparging compressed atmospheric air into the solution. The synthetic
and natural hydromagnesites have well defined XRD patterns (see
Fig. 1). In comparison with the natural hydromagnesite, the synthetic
hydromagnesite is not well crystalline as indicated by the relatively
small peaks. The relatively low crystallinity is typical of the hydro-
magnesite synthesized at low temperatures including room tempera-
ture. For instance, the hydromagnesite synthesized at 30 °C has much
less crystallinity than that heated at 55 °C (Fernández et al., 2000). It is
also observed that the intensity for the peak of (011) (i.e., the peak at
2θ=~15°) of the hydromagnesite synthesized at 50 °C is about two
Table 1
Literature values for thermodynamic properties of hydromagnesites at the reference state (

Type of hydromagnesite ΔfG

kJ mol−1

Natural hydromagnesite(5424) from Hindubagh, Pakistan
Not specified −5859.8
Not specified −5864.6
Not specified −5864.2
Synthetic hydromagnesite(5424) −5871.5
Synthetic hydromagnesite(5424) −5870.5
Natural hydromagnesite(5424) from Gabbs, NV −5889±4
Natural hydromagnesite(5424) from Staten Island, NY −5896±2
Synthetic hydromagnesite(5424) −5878±3
Hydromagnesite(4323) −4637.1
Hydromagnesite(4323) −4602.8
Hydromagnesite(4323) −4603.3
times less than that synthesized at 90 °C (Cheng and Li, 2010). The
relatively high crystallinity of thenatural hydromagnesitemaybedue to
their origins. For instance, the hydromagnesite from Staten Island was
formed during serpentinization by hydrothermal solutions (Julien,
1906, 1914). The hydromagnesite in association with huntite (Mg3Ca
(CO3)4) at Gabbs is suggested to have been formed by supergene
alteration of brucite–magnesite ore bodies (Vitaliano and Beck, 1963;
Schilling, 1967). The brucite–magnesite ore bodies occur in replacement
bodies in the Triassic dolomite (Vitaliano and Callaghan, 1956). The
formation of brucite–magnesite ore bodies is suggested to have been
related the hydrothermal activity produced by the Mesozoic granitic
intrusions (Schilling, 1968). Consequently, although the hydromagne-
site from Gabbs was formed by the supergene processes, it would have
been subject long formation time. Therefore, the synthetic hydromag-
nesite produced at room temperature in this study would be more
relevant to the ambient conditions, especially on anthropogenic time
scale. In this sense, it would be highly relevant to the time scale of the
performance assessment of CO2 sequestration.

There was no phase change during the experiments because
XRD patterns at completion matched the initial XRD patterns (see
Figs. 2–4). The XRD analyses were performed using a Bruker D8
Advance X-ray diffractometer with a Sol-X detector.

All reagents, including NaCl used for preparation of supporting
solutions, and Mg(OH)2 used for the synthesis of hydromagnesite, are
reagent grade from Fisher Scientific. DI water at 18.3 MΩ was
produced by a NANOpure Infinity Ultra Pure Water System from
Barnstead. Stock solutions used for experiments from the direction of
undersaturation with respect to hydromagnesite include DI water,
0.10 m, 1.0 m, 2.1 m, 3.2 m, and 4.4 m NaCl solutions. All experiments
were conducted from undersaturation at the partial pressure of CO2 of
25 °C and 1 bar).

ΔfH S0 Reference

kJ mol−1 J mol−1 K−1

503.67 Robie and Hemingway (1972)
Robie and Hemingway (1973)

−6514.9 541.3 Helgeson et al. (1978)
−6514.9 503.7 Robie et al. (1978)

Königsberger et al. (1992)
−6516.0 520.0 Königsberger et al. (1999)

This study
This study
This study
Garrels et al. (1960)
Langmuir (1965)
Wagman et al. (1982)
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      before experiment

EXCHY-0Cl, Experiment in DI water

EXCHY-0.1Cl, Experiment in 0.1 M NaCl

EXCHY-2.0Cl, Experiment in 2.0 M NaCl

EXCHY-3.0Cl, Experiment in 3.0 M NaCl

Fig. 2. XRD patterns of natural hydromagnesite from Gabbs, Nevada, before and after
experiments.
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Synthetic hydromagnesite, before experiment

5424-0.1Cl, Experiment in 0.1 M NaCl

5424-1.0Cl, Experiment in 1.0 M NaCl

5424-2.0Cl, Experiment in 2.0 M NaCl

5424-3.0Cl, Experiment in 3.0 M NaCl

5424-4.0Cl, Experiment in 4.0 M NaClhalitehalite halite

halite
halite

halite

Fig. 4. XRD patterns of synthetic hydromagnesite produced in this study, before and
after experiments. Notice that in some experimental products, when the synthetic
hydromagnesite was dried at room temperature, residual NaCl solution, which was not
completely removed, crystallized as halite (NaCl), as indicated by the peaks of halite.
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10−3.4 atm under a total pressure of one atmosphere. The mass of the
natural hydromagnesite used in experiments ranges from 0.68 g to
1.3 g. The mass of the synthetic hydromagnesite employed in
experiments ranges from 0.22 g to 0.49 g. The volume of solutions
in experiments is about 200 mL.

All experiments were placed onto an INNOVA 2100 Platform
Shaker (New Brunswick Scientific, Inc.) at a shaking speed of 140
RPM. All experiments were conducted at laboratory room tempera-
ture (22.5±1.5 °C).

Before each sampling, the pH values of the experimental runswere
measured. In each sampling, about 3 mL of solution was withdrawn
from the experimental solutions, and was filtered with a 0.2 μm
syringe filter. The filtered solution was then weighed, and acidified
with 0.5 mL of concentrated TraceMetal® grade HNO3 from Fisher
Scientific, and diluted to a volume of 10 mL with DI water.

The pH was measured with an Orion-Ross combination pH glass
electrode, using a pH meter that was calibrated with three pH buffers
(pH 4, pH 7, and pH 10). In solutions with an ionic strength higher
than 0.10 m, hydrogen-ion concentrations (pcH) instead of pH were
determined from pH observed values from the pH glass electrode, as
detailed in Xiong (2008) and Xiong and Lord (2008).

The chemical analyses of solutions were performed using a Perkin
Elmer dual-view inductively coupled plasma-atomic emission spec-
trometer (ICP-AES) (Perkin Elmer DV 3300). The calibration blank and
standards were precisely matched with experimental matrices. The
correlation coefficients of calibration curves in all measurements were
better than 0.9995. The analytical precision is better than 1.00% in terms
of the relative standard deviation (RSD) based on replicate analyses.
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Natural hydromagnesite from Staten Island, NY 
      before experiment

WardHY-0Cl, Experiment in DI water

WardHY-0.1Cl, Experiment in 0.1 M NaCl

WardHY-2.0Cl, Experiment in 2.0 M NaCl

WardHY-3.0Cl, Experiment in 3.0 M NaCl

Fig. 3. XRD patterns of natural hydromagnesite from Staten Island, New York, before
and after experiments.
3. Experimental results

Experimental results in DI water using natural hydromagnesite are
listed in Table 2. All other experimental results in NaCl medium using
natural and synthetic hydromagnesite are tabulated in Tables 3 and 4,
respectively. In Fig. 5, concentrations of magnesium as a function of
experimental time in experiments using the natural hydromagnesite
are displayed. It seems that steady-state concentrations are reached in
about 200 days in most experiments. Notice that the magnesium
concentrations in the experiment of WardHY-2.0Cl are relative lower
than those in the rest of experiments owing to the relatively lower
hydrogen ion concentrations in that experiment (see Table 3). In Fig. 6,
concentrations of magnesium as a function of time in experiments
using the synthetic hydromagnesite as startingmaterials are shown. It
also seems that steady-state concentrations are reached in about
200 days. It is assumed that steady-state concentrations reflect
equilibrium state concentrations, as the duration of these experiments
was significantly longer than was used in previous studies. In similar
systems, for instance, equilibrium between brucite and solution was
attained after about 83 days at room temperature (Xiong, 2008). In
hydromagnesite (4323) solubility experiments from undersaturation
at 25 °C conducted by Garrels et al. (1960), the authorsmentioned that
the equilibrium constants they obtained agree well with previous
determinations for which reversals were attained. In the experiments
of Garrels et al. (1960), the experimental duration was up to 4 days,
and they extrapolated parameters such as pH to infinite time in the
plot of concentrations versus the reciprocal of the square root of time

(
1ffiffiffiffiffiffiffiffiffiffi
time

p ). In the eitelite (NaMg0.5CO3) solubility experiments from

undersaturation at 25 °C conducted by Königsberger et al. (1992), the
authors mentioned that constant e.m.f. readings in the cell system
were obtained in 2 to 4 days, indicating that (metastable) equilibrium
between eitelite and solution was attained. They refer to the
dissolution of eitelite as a metastable equilibrium in their experiment.
In purewater eitelite dissolves incongruently to formhydromagnesite.
However, the incongruent dissolution was suppressed in their experi-
ment in 3.0 m NaClO4 because of the high concentration of Na+.
Therefore, because the experimental duration used in this study was
much longer than that in the similar studies mentioned above, it is
reasonable to assume that steady-state concentrations reported here
are reflective of the equilibrium state.

In comparison with experiments using the natural hydromagne-
site, concentrations of magnesium in experiments with the synthetic
hydromagnesite are quite consistent over time. From Fig. 6, it also



Table 2
Experimental results in DI water using natural hydromagnesite at the partial pressure of CO2 of 10−3.4 atm.

Experimental run number Run time, day pH Ionic strength, m mMg2+ γMg2+ log K°a

ExcHy-0Clb 31 8.83 4.60×10−3 1.53×10−3 0.739 59.97
111 8.77 5.21×10−3 1.74×10−3 0.726 59.60
120 8.79 5.74×10−3 1.91×10−3 0.715 59.98
393 8.74 4.57×10−3 1.52×10−3 0.740 59.06
412 8.79 5.34×10−3 1.78×10−3 0.723 59.85
435 8.73 4.67×10−3 1.56×10−3 0.738 59.00
486 8.74 7.26×10−3 2.42×10−3 0.687 59.90
540 8.77 5.73×10−3 1.91×10−3 0.715 59.78
615 8.76 5.08×10−3 1.69±0.00×10−3(2σ)c 0.729 59.45

Average 59.61±0.72(2σ)
WardHy-0Clb 111 8.78 5.47×10−3 1.82×10−3 0.720 59.79

143 8.70 4.92×10−3 1.64×10−3 0.732 58.80
150 8.77 5.41×10−3 1.80×10−3 0.722 59.67
164 8.77 4.38×10−3 1.46×10−3 0.744 59.28
181 8.74 6.36×10−3 2.12×10−3 0.703 59.67
199 8.61 5.46×10−3 1.82×10−3 0.721 58.09
247 8.62 6.90×10−3 2.30×10−3 0.693 58.61
280 8.58 6.56×10−3 2.19×10−3 0.699 58.12
304 8.62 6.73×10−3 2.24×10−3 0.696 58.57
318 8.76 6.90×10−3 2.30±0.24×10−3(2σ)c 0.700 60.01
343 8.78 6.35×10−3 2.12±0.21×10−3(2σ)c 0.700 60.06
615 8.76 5.94×10−3 1.98±0.02×10−3(2σ)c 0.710 59.74

Average 59.2±1.4(2σ)

a Equilibrium constants at infinite dilution (log K°) are computed by using measured pH and mMg2+, and log γMg2+ calculated from the Davies equation.
b In the experimental run having “ExcHy-”, the natural hydromagnesite from Gabbs, Nevada, purchased from Excalibur Mineral Company, was used as starting material. In the

experimental run having “WardHy-”, the natural hydromagnesite from Staten Island, New York, purchased from Ward's Natural Science Company, was used as starting material.
c Replicate analyses.
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seems that there is a dependence of magnesium concentrations on
ionic strength in experiments with the synthetic hydromagnesite. The
magnesium concentrations in the experiment in 0.10 m NaCl (5424-
0.1Cl) are lower than those in experimentswith higher ionic strengths.
However, this dependence is less obvious in the experiments with the
natural hydromagnesites because the data are scattered to some
degrees.

To obtain thermodynamic properties at infinite dilution from the
above results, an extrapolation strategywas developed. The strategy of
extrapolation to infinite dilution in this study is to use the Davies
equation (Davies, 1938) to extrapolate experimentally determined
equilibriumquotients at very low ionic strength (experiments starting
with DI water) to infinite dilution, and to use the Specific Interaction
Theory (SIT) model with interaction coefficients evaluated by Xiong
(2006) to extrapolate the equilibriumquotients in NaCl solutions from
0.10 m to 4.4 m.

In this study, the standard state for a solid phase is defined as its
pure end-member at 298.15 K and 1 bar. The standard state of an
aqueous solute is defined as a hypothetical 1 molal solutions at 298.15
and 1 bar. The reference state of an aqueous solute is defined as “the
limiting condition whereby the activity approaches the molal concen-
tration as the concentration becomes infinitely dilute” (Nordstromand
Munoz, 1986).

The results obtained from the extrapolations by using the Davies
equation and the SIT model are the dissolution constants for hydro-
magnesite as suggested below:

Mg5ðCO3Þ4ðOHÞ2·4H2OðcrÞ þ 10H
þ⇆5Mg

2þ þ 4CO2ðgÞ þ 10H2OðlÞ ð1Þ

In the Davies equation, the activity coefficient is calculated from:

logγi = −Aγ z
2
i

ffiffiffiffiffi
Im

p
1 +

ffiffiffiffiffi
Im

p + 0:3Im

 !
ð2Þ

where γi is the activity coefficient of i species; Aγ the Debye–Hückel
slope for activity coefficient, and is from Helgeson and Kirkham
(1974); zi the charge of i species, and Im ionic strength on molal scale.
The equilibrium constant for Reaction (1) is,

K =
mMg 2+

� �5
γMg 2+

� �5
PCO 2

� �4
ΓCO 2

� �4
aH2O

� �10
mHþð Þ10 γHþð Þ10

=
mMg 2+

� �5
PCO 2

� �4
mHþð Þ10 ×

γMg 2+

� �5
ΓCO 2

� �4
aH2O

� �10
γHþð Þ10

= Q ×
γMg 2+

� �5
ΓCO 2

� �4
aH2O

� �10
γHþð Þ10

ð3Þ

where mMg2+ and mH
+ denote concentrations of Mg2+ and H+ on

molality scale, γMg2+ and γH
+ activity coefficients of Mg2+ and H+,

respectively; PCO2
and ΓCO2

are partial pressure and fugacity coefficient of
CO2, respectively, and aH2O is the activity of water. The fugacity
coefficient of CO2 is taken as unity. In Eq. (3), thenumerical combination
of concentrations of Mg2+ and H+ and partial pressure of CO2 is
equilibrium quotient (Q).

The extrapolation to infinite dilution regarding Reaction (1) using
the SIT model is given by:

logK o
s = log Q–10D + Δε Im + 10 log aH2O ð4Þ

Δε Eq:4ð Þ = 5ε Mg2+ ;Cl–
� �

–10ε Hþ
;Cl–

� �
ð5Þ

where log Q is an equilibrium quotient regarding Reaction (1) at a
certain ionic strength; ε(Mg2+, Cl−) and ε(H+, Cl−) are interaction
coefficients of the BrØnsted–Guggenheim-Scatchard specific interac-
tion theory estimated by Xiong (2006); aH2O is activity of water; and D
is the Debye–Hückel term. The activities of water in NaCl solutions are
from Robinson and Stokes (1959).

The Debye–Hückel term is given by:

D =
Aγ

ffiffiffiffiffi
Im

p
1 + ρ

ffiffiffiffiffi
Im

p ð6Þ



Table 3
Experimental results from the experimental runs in an NaCl medium using natural hydromagnesite as starting material at the partial pressure of CO2 of 10−3.4 atm.

Experimental run number Run time, day pHob
a Ionic strength, m mH

+b γH
+ mMg2+ γMg2+ log Q log K°c

ExcHy-0.1Cl 31 8.76 0.10 1.68×10−9 0.801 2.00×10−3 0.383 60.67 59.54
66 8.67 2.06×10−9 2.02×10−3 59.78 58.65

111 8.72 1.84×10−9 1.96×10−3 60.23 59.09
120 8.70 1.92×10−9 2.32×10−3 60.39 59.26
150 8.67 2.06×10−9 2.05×10−3 59.82 58.68
164 8.65 2.16×10−9 1.88×10−3 59.43 58.29
181 8.63 2.26×10−9 2.27×10−3 59.64 58.51
615 8.68 2.01×10−9 2.30×10−3 60.17 59.03

Average 60.02±0.83(2σ) 58.88±0.83(2σ)
ExcHy-2.0Cl 88 8.56 2.1 1.33×10−9 1.10 7.65×10−3 0.323 64.57 61.38

93 8.51 1.50×10−9 5.17×10−3 63.22 60.03
126 8.53 1.43×10−9 7.65×10−3 64.27 61.08
140 8.57 1.30×10−9 4.67×10−3 63.60 60.41
165 8.50 1.53×10−9 5.08×10−3 63.08 59.89
392 8.68 1.01×10−9 4.86×10−3 64.78 61.59
462 8.66 1.06×10−9 4.32×10−3 64.33 61.14

1871 8.68 1.01×10−9 5.24×10−3 64.95 61.76
64.1±1.4(2σ) 60.9±1.4(2σ)

ExcHy-3.0Cl 11 8.58 3.2 8.64×10−10 1.49 1.02×10−3 0.482 62.07 58.23
46 8.67 7.02×10−10 2.07×10−3 64.51 60.67

126 8.49 1.06×10−9 6.23×10−3 65.11 61.27
140 8.61 8.06×10−10 3.80×10−3 65.24 61.39
151 8.58 8.64×10−10 1.89×10−3 63.42 59.57
462 8.57 8.84×10−10 4.27×10−3 65.09 61.25
970 8.60 8.25×10−10 5.14±0.00×10−3 65.79 61.95

1871 8.53 9.69×10−10 9.69×10−3 64.55 60.71
64.6±2.4(2σ) 60.8±2.4(2σ)

WardHy-0.1Cl 31 8.83 0.10 1.43×10−9 0.801 2.51×10−3 0.383 61.86 60.72
66 8.80 1.53×10−9 2.73×10−3 61.74 60.60

111 8.78 1.60×10−9 2.45×10−3 61.31 60.17
120 8.79 1.58×10−9 2.93×10−3 61.79 60.66
129 8.80 1.53×10−9 3.18×10−3 62.07 60.94
164 8.64 2.21×10−9 1.82×10−3 59.26 58.13
181 8.72 1.84×10−9 2.42×10−3 60.68 59.54
280 8.94 1.11×10−9 1.53×10−3 61.88 60.74
615 8.80 1.53×10−9 1.70×10−3 60.71 59.57

Average 61.3±1.8(2σ) 60.1±1.8(2σ)
WardHy-2.0Cl 28 8.79 2.1 7.85×10−10 1.10 6.57×10−4 0.323 61.54 58.35

93 8.79 7.85×10−10 5.85×10−4 61.29 58.09
219 8.75 8.61×10−10 7.05×10−4 61.29 58.10
322 8.79 7.85×10−10 7.31×10−4 61.77 58.58
379 8.75 8.61×10−10 7.28×10−4 61.36 58.17
499 8.78 8.03×10−10 6.78×10−4 61.51 58.31
521 8.85 6.84×10−10 4.34×10−4 61.24 58.05
567 8.83 7.16×10−10 5.55×10−4 61.57 58.38
589 8.82 7.33×10−10 7.10×10−4 62.01 58.82

Average 61.51±0.51(2σ) 58.32±0.51(2σ)
WardHy-3.0Cl 28 8.43 3.2 1.22×10−9 1.49 2.42×10−3 0.482 62.46 58.62

94 8.54 9.47×10−10 4.19×10−3 64.75 60.91
127 8.44 1.19×10−9 5.11×10−3 64.18 60.33
143 8.53 9.69×10−10 3.39×10−3 64.19 60.35
392 8.55 9.26×10−10 3.69×10−3 64.57 60.73
431 8.51 1.01×10−9 3.77×10−3 64.22 60.38
462 8.41 1.28×10−9 3.78×10−3 63.22 59.38
970 8.53 9.69×10−10 4.42±0.00×10−3 64.76 60.92

Average 64.1±1.6(2σ) 60.3±1.6(2σ)

a pH observed values measured by using the pH glass electrode.
b Hydrogen ion concentration computed from the correction factors for corresponding pH observed values (see text for details).
c Equilibrium constants at infinite dilution (log K°) are computed from the SIT model.
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where ρ is the minimum distance of approach between ions, which is
taken as 1.5 (Ciavatta, 1980).

4. Calculation results and discussions

Based on the following equation for the calculation of weighted
mean, the weighted average equilibrium constants at 22.5 °C are
calculated (Table 5),

wi =
1
σ 2

i

ð7Þ
X̄ =
∑
n

i=1
Xi = σ

2
i

� �

∑
n

i=1
wi

ð8Þ

where wi is the weight of ith measurement, σi is the standard
deviation of ith measurement. The variance of the weighted mean is
computed from the following equation,

σ2
X̄
=

1

∑
n

i=1
1= σ 2

i

� � : ð9Þ



Table 4
Experimental results from the experimental runs in an NaCl medium using synthetic hydromagnesite as starting material at the partial pressure of CO2 of 10−3.4 atm.

Experimental run number Run time, day pHob Ionic strength, m mH
+ γH

+ mMg2+ γMg2+ log Q log K°a

5424-0.1Cl 111 8.88 0.1 1.27×10−9 0.801 4.78×10−3 0.383 63.75 62.62
119 8.88 1.27×10−9 2.81×10−3 62.60 61.47
161 8.89 1.24×10−9 2.41×10−3 62.37 61.23
180 9.02 9.21×10−10 1.77×10−3 62.99 61.86
231 8.76 1.68×10−9 2.59×10−3 61.23 60.09
286 8.87 1.30×10−9 1.83×10−3 61.57 60.44
432 8.97 1.03×10−9 2.11×10−3 62.88 61.75
446 8.83 1.43×10−9 2.54×10−3 61.88 60.75
474 8.83 1.43×10−9 2.54×10−3 61.88 60.75
515 8.97 1.03×10−9 3.35×10−3 63.89 62.75
526 8.93 1.13×10−9 2.79×10−3 63.09 61.96
603 8.91 1.19×10−9 3.41×10−3 63.33 62.19
624 8.92 1.16×10−9 3.35×10−3 63.39 62.25
655 8.79 1.56×10−9 3.05×10−3 61.88 60.75
670 8.93 1.13×10−9 3.42×10−3 63.53 62.39
691 8.88 1.27×10−9 2.63×10−3 62.46 61.32
714 8.83 1.43×10−9 2.76×10−3 62.06 60.93
760 8.98 1.01×10−9 3.33×10−3 63.97 62.84
770 8.98 1.01×10−9 2.86×10−3 63.64 62.51

Average 62.8±1.7(2σ) 61.6±1.7(2σ)
5424-1.0Cl 173 8.79 1.0 1.12×10−9 0.849 4.05×10−3 0.249 63.96 61.50

203 8.69 1.40×10−9 4.01×10−3 62.94 60.48
306 8.57 1.85×10−9 4.90×10−3 62.17 59.71
315 8.69 1.40×10−9 5.97×10−3 63.80 61.34
326 8.78 1.14×10−9 4.03×10−3 63.85 61.39
343 9.01 6.72×10−10 5.94×10−3 61.99 59.53
379 8.61 1.69×10−9 4.46×10−3 62.37 59.91
714 8.84 9.94×10−10 5.88±0.21×10−3 65.27±0.08 62.81±0.08

Average 63.5±2.5(2σ) 61.1±2.5(2σ)
5424-2.0Cl 10 8.92 2.1 1.20×10−9 1.10 4.79×10−3 0.323 64.00 60.81

24 8.86 1.38×10−9 4.58×10−3 63.31 60.12
93 8.83 1.48×10−9 5.20×10−3 63.28 60.09

122 8.70 2.00×10−9 9.05×10−3 63.18 59.99
133 8.77 1.70×10−9 5.89×10−3 62.95 59.76
186 8.72 1.91×10−9 6.75×10−3 62.75 59.56
218 8.73 1.86×10−9 8.76×10−3 63.41 60.22
410 8.88 1.32×10−9 6.46×10−3 64.25 61.06
431 8.92 1.20×10−9 6.12×10−3 64.53 61.34
498 8.88 1.32×10−9 7.24×10−3 64.50 61.31
521 8.77 1.70×10−9 5.34×10−3 62.74 59.55
528 8.90 1.26×10−9 6.51×10−3 64.47 61.28

1871 8.95 1.12×10−9 4.73×10−3 63.88 60.69
Average 63.6±1.3(2σ) 60.4±1.3(2σ)
5424-3.0Cl 10 8.92 3.2 1.20×10−9 1.49 5.80×10−3 0.482 64.42 60.58

24 8.90 1.26×10−9 5.05×10−3 63.92 60.08
38 9.07 8.51×10−10 6.16×10−3 66.05 62.21

322 8.76 1.74×10−9 9.03×10−3 63.78 59.94
333 8.75 1.78×10−9 7.95×10−3 63.40 59.56
448 8.75 1.78×10−9 6.98×10−3 63.12 59.28
498 8.73 1.86×10−9 8.27×10−3 63.29 59.45
567 8.81 1.55×10−9 6.00×10−3 63.39 59.55
577 8.78 1.66×10−9 7.92×10−3 63.69 59.86
588 8.81 1.55×10−9 8.40×10−3 64.12 60.28
647 8.80 1.58×10−9 8.76×10−3 64.11 60.27
969 8.73 1.86×10−9 8.19±0.00×10−3 63.27 59.43

Average 63.6±1.6(2σ) 60.4±1.6(2σ)
5424-4.0Cl 144 8.54 4.4 6.29×10−9 2.07 4.21±0.24×10−3 0.774 66.54±0.13 62.04±0.13

151 8.54 6.29×10−9 4.70±0.51×10−3 66.77±0.24 62.27±0.24
180 8.60 5.48×10−9 5.07±0.29×10−3 67.54±0.12 63.04±0.12
217 8.54 6.29×10−9 4.98×10−3 66.90 62.41
231 8.56 6.01×10−9 6.51×10−3 67.68 63.19
260 8.47 7.39×10−9 5.90×10−3 66.57 62.07
271 8.44 7.92×10−9 6.69×10−3 66.54 62.04
358 8.45 7.74×10−9 6.61×10−3 66.62 62.12
379 8.49 7.06×10−9 5.31×10−3 66.54 62.04
411 8.53 6.44×10−9 7.35×10−3 67.65 63.15
580 8.52 6.59×10−9 5.68×10−3 66.99 62.49
624 8.53 6.44×10−9 4.77×10−3 66.71 62.21
655 8.46 7.56×10−9 5.59×10−3 66.35 61.86
714 8.55 6.15×10−9 4.97×10−3 67.00 62.50
810 8.55 6.15×10−9 4.29×10−3 66.68 62.18

Average 66.88±0.86(2σ) 62.39±0.86(2σ)

a Equilibrium constants at infinite dilution (log K°) are computed from the SIT model.
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Fig. 5. A plot showing magnesium concentrations as a function of experimental time in
experiments using the natural hydromagnesite as a starting material.

Table 5
Average solubility constants of hydromagnesite (5424) at infinite dilution at 22.5 °C
based on results determined in NaCl medium from 0.1 m to 4.4 m, and corresponding
values extrapolated to 25 °C.

Solid phase log K±2σ at 22.5 °Ca log K±2σ at 25 °C

Gabbs (NV) hydromagnesite 59.54±0.72 59.07±0.72
Staten Island (NY) hydromagnesite 58.39±0.40 57.93±0.40
Synthetic hydromagnesite 61.53±0.59 61.04±0.59

a The average equilibrium constants and associated uncertainties are calculated
based on the equations for weighted mean and its variance in which weights are
computed from experimental uncertainties listed in Tables 3–4. The equations are listed
in the text.
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According to the above equations, the weighted average solubility
constants determined in NaCl medium at 22.5 °C for the natural
hydromagnesite from Staten Island, New York, and from Gabbs,
Nevada, are 58.39±0.40 (2σ) and 59.54±0.72 (2σ) in logarithmic
unit, respectively (Table 5). These values are in excellent agreement
with those determined in experiments started with DI water
(Table 2). For the synthetic hydromagnesite, its weighted solubility
constant determined in NaCl medium is 61.53±0.59 (2σ) (Table 5).
From Table 5, it is obvious that natural hydromagnesites from both
Gabbs, Nevada, and Staten Island, New York, have lower solubility
than the synthetic hydromagnesite. In the study of Königsberger et al.
(1999), they also indicated that the natural magnesite (MgCO3) has
lower solubility than the synthetic magnesite.

Based on equilibrium constants at 22.5 °C, the equilibrium
constants at 25 °C are calculated from the following equation for
temperature variations of Gibbs free energy, assuming constant heat
capacity over this temperature range,

ΔGo
T = ΔGo

298:15− T−298:15ð ÞΔSo298:15
+ ∫T

298:15
ΔCo

pdT−T∫T

298:15
ΔCo

pd lnT

ð10Þ
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Fig. 6. A plot showing magnesium concentrations as a function of experimental time in
experiments using the synthetic hydromagnesite as a starting material.
where Gibbs free energy can be calculated from a equilibrium
constant by using the following expression,

logKT = − ΔG0
T

ln 10 × RT
: ð11Þ

In the calculation, entropies of H2O (l), CO2 (g) and Mg2+ are from
Königsberger et al. (1999), and of hydromagnesite is from Robie and
Hemingway (1972). Heat capacities of H2O (l) and CO2 (g) are from
Königsberger et al. (1999), and those of Mg2+ and hydromagnesite
are from Desnoyers et al. (1976) and from Robie and Hemingway
(1972), respectively. The equilibrium constants in logarithmic units at
25 °C are also listed in Table 5.

Based on the equilibrium constants at 25 °C, the Gibbs free energies
of formation of hydromagnesite are derived (Table 1). In comparison
with the literature values, the Gibbs free energy of the synthetic
hydromagnesite is similar to, but still slightlymore negative than, that
provided by Königsberger et al. (1992, 1999). However, the Gibbs free
energies of the natural hydromagnesite are considerably more
negative than the literature values.

As mentioned in Xiong (2008) and Xiong and Lord (2008),
magnesite is the thermodynamically stable phase, metastable hydro-
magnesite (5424) is the most likely phase to be formed in the
repositories inwhichMgOorMg(OH)2 are employed as an engineered
barrier to sequestrate CO2. Therefore, the fCO2

will be buffered by the
assemblage brucite–hydromagnesite (5424) in the early history of the
WIPP. However, hydromagnesite (5424) is expected to be converted
to magnesite (MgCO3) in the 10,000-year period, which is the
performance period for the repository set by the EPA.

Based on the solubility constants of hydromagnesite determined in
this study, in combination with the solubility constant of brucite
determined in Xiong (2008), the evolution of fCO2

buffered by the
assemblage of brucite–hydromagnesite with the increasing crystal-
linity of hydromagnesite can be assessed. The solubility constant of
brucite at 25 °C for the following reaction,

MgðOHÞ2ðcrÞ þ 2Hþ ¼ Mg2þ þ 2H2OðlÞ ð12Þ

is determined as 17.05±0.20 (2σ) (Xiong, 2008). Combination of
Reaction (12) with Reaction (1) yields,

5MgðOHÞ2ðcrÞ þ 4CO2ðgÞ ¼ Mg5ðCO3Þ4ðOHÞ2·4H2OðcrÞ ð13Þ

According to the solubility constants of hydromagnesite deter-
mined in this study, the log fCO2

buffered by Reaction (13) can be
Table 6
Comparison of log fCO2

buffered by the assemblage of brucite–hydromagnesite for the
natural and synthetic hydromagnesite at 25 °C.

Hydromagnesite log fCO2
, bars

Natural hydromagnesite, Staten Island, NY −6.83±0.11
Natural hydromagnesite, Gabbs, NV −6.55±0.19
Synthetic hydromagnesite −6.05±0.16
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calculated. In Table 6, log fCO2
buffered by brucitewith hydromagnesite

with various crystallinity is listed. The log fCO2
buffered by brucite-

synthetic hydromagnesite is −6.05±0.16 (2σ) bars. When crystal-
linity increases, the log fCO2

would decrease to−6.83±0.11 (2σ) bars.
Therefore, if the thermodynamic properties of synthetic hydromagne-
site are used for calculations, the results would be conservative.

5. Summary

In this study, the solubility constants of the natural and synthetic
hydromagnesite have been determined in awide range of ionic strengths
in anNaClmedium. The solubility constant of the natural hydromagnesite
from Staten Island, New York, which was formed by the hydrothermal
processes, is 57.93±0.40 (2σ) at 25 °C, close to the value of 59.07±0.72
(2σ) at 25 °C for the hydromagnesite from Gabbs, Nevada, which was
formed by the supergene alteration of brucite–magnesite ore bodies,
taking the quoteduncertainties into consideration. The solubility constant
of the synthetic hydromagnesite is 61.04±0.59 (2σ) at 25 °C, which is
slightly higher than that for the natural hydromagnesite. The lower
solubility of the natural hydromagnesites is attributed to their higher
crystallinity, which is related to their origins. The fCO2

buffered by the
assemblage of brucite–hydromagnesite would be expected to decrease
when the crystallinity of hydromagnesite increases with time, which
would be favorable to the performance of geological repositories.
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