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Identification and characterization of mineral assemblages that will influence mineral trapping and caprock integrity are essential to determine the economic, technical
and environmental feasibility of sequestering large amounts of CO2 in deep saline
aquifers. When high pressure CO2 is injected into deep aquifers, it acidifies the water,
which in turn will react with the silicates in the host rock as well as in caprock, to
the extent that the latter is permeable, to form new minerals. In this regard, numerous
modeling studies (e.g., Johnson et al., 2001, 2002; Zerai et al., 2002) indicate that injection of CO2 into these formations will stabilize various carbonate minerals (calcite,
dolomite, magnesite and siderite), and an uncommon mineral, although very popular
lately, the dawsonite [NaAlCO3 (OH)2 ]. The formation of this mineral is enhanced
by high Na+ concentrations in the brine, plume-induced CO2 aqueous solubility, and
acid-induced K-feldspar (orthoclase) dissolution, according to the following reaction:
KAlSi3 O8 + Na+ + CO2(aq) + H2 O ⇔ NaAlCO3 (OH)2 +3SiO2 + K+ (1)
In fact, there are natural analogs for this process in a variety of settings, for example,
the presence of pervasive dawsonite cement in the Bowen-Gunnedah-Sydney Basin,
Eastern Australia, which has been interpreted to reflect magmatic CO2 seepage on a
continental scale (Baker et al., 1995). However, it is noteworthy that there are currently
no data available to adequately assess either the equilibrium solubility of dawsonite
or the rates of the relevant reactions controlling its precipitation. In most of reactive
geochemical transport simulations, the rate constant for the dawsonite has been set to
either K-feldspar (Xu et al. 2003 from Blum and Stillings 1995), siderite (Xu et al.,
2005) or estimated as intermediate to calcite and magnesite (e.g., Johnson et al. 2001,

2002, Gaus et al., 2003 and Knauss et al., 2005).
Before attempting to measure the rate of dissolution-precipitation of dawsonite, it was
deemed necessary to study its stability and reactivity, the objective of this present
study. As natural dawsonite samples are very hard to find in reasonable amount and
with certainty that impurities are not present when extracting the dawsonite crystals
from the matrix, we hydrothermally synthesized it following and optimizing two U.S.
patents: Herold (1992) and van der Heem (1980). The syntheses were conducted in
sealed pressure vessel (stirred) containing NaHCO3 , Na2 CO3 , gibbsite and de-ionized
H2 O at 175˚C. The solids obtained have then been used to study the stability of dawsonite as a function of temperature (50 to 200˚C) and at 1.0 molal ionic strength NaCl.
The results obtained show that the solution chemistry at temperature ≤100˚C is controlled by the equilibrium between dawsonite and bayerite (Al(OH)3 (s)), as confirmed
by XRD and SEM performed on the recovered solid, and according to the reaction:
+
NaAlCO3 (OH)2 + H2 O ⇔ Al(OH)3(s) + HCO−
3 + Na (2)

In order to be able to extract from these data the solubility product of the dawsonite,
according to the reaction:
−
+
+
NaAlCO3 (OH)2 + 2H2 O ⇔ Al(OH)−
4 + HCO3 + Na + H (3)

it was deemed necessary to measure the solubility of bayerite in the same experimental
conditions, unknown up to now, from which we calculated the solubility quotients of
this reaction:
+
Al(OH)3(s) + H2 O ⇔ Al(OH)−
4 + H (4)

By combining reactions (2) and (4) it was then possible to calculate the solubility
quotient of the overall reaction (3). At 150 and 200˚C, the dawsonite is not in equilibrium with bayerite anymore but with boehmite (AlOOH), also confirmed by XRD and
SEM. As for lower temperature, combining reactions (2) and (5):
+
AlOOH(s) + 2H2 O ⇔ Al(OH)−
4 + H (5)

this time knowing very well the solubility product of reaction (5) (Palmer et al., 2001),
the solubility product of reaction (3) can then be calculated at 150 and 200˚C.
The experimental values obtained in this study are in fairly good agreement with the
values that were calculated only from other thermodynamic properties of dawsonite
available in the literature from Ferrante et al. (1976). Our extrapolation to 25˚C leads
to a difference of 1.2 log units for the solubility product of reaction (3), which in turns
gives a difference on the Gibbs free energy of dawsonite of ∼ 7kJ/mol. From this work
it is hard to believe that in saline aquifers mineral trapping will occur primarily in the

form of dawsonite. The kinetics of its formation remains also an open question.
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