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ABSTRACT 

Coupled gypsum dissolution-calcium carbonate precipitation experiments were 

performed in closed system reactors and in the presence of either aqueous 0.1 M 

Na2CO3, 0.1 M NaHCO3 or 0.1 M Na2CO3 + 0.2 M NaOH solutions. Gypsum dissolved 

immediately at the start of each experiment provoking the precipitation sequentially of 

vaterite, calcite and trace aragonite. Fine-grained amorphous carbon carbonate may also 

be present shortly after each experiment began. Each experiment approached 

equilibrium within 119 h leading to the maximum possible transformation of gypsum 

to calcite over this time frame. The rapid transformation of gypsum to calcite in these 

experiments suggests a similar rapid transformation of gypsum or anhydrite into calcite 

could occur during subsurface carbon storage efforts where evaporites are present. 

Evaporite deposits could thus potentially be used for carbonation if sufficient alkalinity 

is available to neutralize the acid liberated by the gypsum carbonation reaction. Due to 

a negative volume of the gypsum or anhydrite to calcite transformation, however, the 

carbonation of these minerals will potentially damage the integrity of evaporite 

caprocks. 



 

 

 

1. INTRODUCTION 

This study is focused on the mineralization of water dissolved carbon-dioxide 

through its interaction with gypsum. The mineralization of CO2 or ‘mineral carbonation’ 

is the process by which CO2 is transformed into stable carbonate minerals through its 

reaction with divalent cations, such as Ca2+, Mg2+, and Fe2+, sourced from non-

carbonate minerals (Lackner et al 1995; Oelkers et al., 2008; Power et al. 2013). A large 

number of past studies have focused on quantifying various aspects of mineral 

carbonation as a means of carbon storage (Bachu et al., 1994; Gunter et al., 1997; 

Johnson et al., 2001; Baines and Worden, 2004; Oelkers and Schott, 2005; McGrail et 

al., 2006; Goldberg et al., 2008, 2018; Oelkers and Cole, 2008; Oelkers et al., 2008; 

Flaathen et al., 2009; Schaef et al., 2009; Wakahama et al., 2009; Matter et al., 2011, 

2016; Wolff-Boenisch et al., 2011; Gislason and Oelkers, 2014;).  

Calcite is most the abundant carbonate mineral near the Earth’s surface and it is 

particularly favorable for a mineralogical carbon-dioxide host due to its stability and 

rapid precipitation kinetics (Palandri and Kharaka, 2004; Matter et al., 2011; 

Snæbjörnsdóttir et al., 2017). Two minerals that can readily provide Ca for the 

formation of calcite are gypsum (CaSO42H2O) and anhydrite (CaSO4). Gypsum and 

anhydrite are common minerals in evaporite deposits (Spencer, 2000). Compared to 

many siliciclastic formations, evaporite layers tend to have a lower intrinsic 

permeability and a higher CO2 breakthrough pressure (Hangx et al., 2010) and do not 

dissolve in direct response to CO2-generated acidity (Smith et al., 2012). As such, 

evaporite layers are considered to be effective as caprocks and can thus enhance the 

security of subsurface geologic carbon storage. In the presence of carbonate-bearing 

aqueous fluids at more alkaline conditions, however, these minerals are susceptible to 

dissolve and transform into carbonate minerals (Stafford et al., 2008). Such a 

transformation has the potential to increase the porosity of evaporite layers allowing 

CO2 to leak back to the atmosphere. 

Basalts and ultramafic rocks are commonly considered as the target host rocks for 

subsurface mineral carbonation (McGrail et al., 2006; Goldberg et al., 2008; Gislason 



 

 

et al., 2010; Gislason and Oelkers, 2014; Goldberg et al., 2018; Snæbjörnsdóttir et al., 

2018; Oelkers et al., 2019). There are several advantages in storing CO2 in basaltic and 

ultramafic rocks. However, when the basaltic rocks are first dissolved in CO2-rich, 

sulfate-bearing acid brines, such as seawater, the Ca released from the dissolving basalt 

could readily combine with SO4
2- in the seawater and precipitate gypsum or anhydrite 

(Garcia et al., 2011). Indeed, gypsum and/or anhydrite could readily form during the 

initial stages of the injection of CO2-rich seawater into sub-seafloor basalts (Voigt et al., 

2018). This process would consume the Ca released from basalts limiting the amount 

of Ca available for carbonate mineral precipitation (Ruiz-Agudo et al., 2015). The 

formation of gypsum and/or anhydrite can also dramatically reduce the porosity of 

target carbon storage reservoirs (Ahr, 2008) and could clog injection wells (Rendel et 

al., 2016). The quantification of the rates and extent of the transformation between 

gypsum or anhydrite and calcite could be essential to determining the viability of 

numerous subsurface carbon storage sites. 

This study is focused on the dissolution of gypsum coupled to calcium carbonate 

precipitation. Gypsum dissolution rates measured in the laboratory suggest this reaction 

is rapid and will readily approach equilibrium with the aqueous phase (Jeschke et al., 

2001; Colombani and Bert, 2007; Tang et al., 2018). A number of studies have thus 

considered the carbonation of gypsum as a means for ex-situ carbon capture and storage 

(Lee et al., 2012; Azdarpour et al., 2014; Pérez-Moreno et al., 2015; González-Illanes 

et al., 2017; Tan et al., 2017; Rahmani, 2018; Seo et al., 2018). For example, Fernández-

Díaz et al. (2009) reported the formation of amorphous calcium carbonate (ACC), 

vaterite, aragonite and calcite on the surface of gypsum (010) surfaces during its 

interaction with Na2CO3 bearing aqueous fluids. Roncal-Herrero et al. (2017) reported 

the precipitation of calcite and vaterite crystals on the surfaces of anhydrite during its 

interaction with Na2CO3 bearing aqueous fluids. This study builds upon these past 

works by quantifying the rates and extent of gypsum transformation to calcite as a 

function of fluid composition. 

 

2. THEORETICAL BACKGROUND 



 

 

The standard state adopted in this study is that of unit activity of pure minerals, and 

H2O at any temperature and pressure. For aqueous species, the standard state is unit 

activity of the species in a hypothetical one molal solution referenced to infinite dilution 

at any temperature and pressure. All thermodynamic calculations reported in this study 

were performed using PHREEQC V3 (Parkhurst and Appelo, 2013) together with its 

llnl thermodynamic database (Johnson et al., 2000). The solubility products (Ksp) for 

amorphous calcium carbonate (ACC, log Ksp = -6.393, Brečević and Nielsen, 1989) and 

vaterite (log Ksp = -7.913, Rodriguez-Navarro et al., 2015) were added to this database 

prior to its use in calculations. 

This study was designed to assess the rates and mechanism of the transformation 

of gypsum to calcite in the presence of aqueous carbonate. The dissolution of gypsum 

can be described by: 

CaSO42H2O ⇌ Ca2+ + SO4
2- + 2H2O           (1) 

Taking account of the standard state, the law of mass action for this reaction is given 

by:  

𝐾𝑔𝑦𝑝𝑠𝑢𝑚 = 𝑎Ca2+  𝑎SO4
2−              (2) 

where 𝐾𝑔𝑦𝑝𝑠𝑢𝑚 stands for the equilibrium constant of reaction (1), and 𝑎i represents 

the activity of the subscripted aqueous species. The saturation state of an aqueous fluid 

with respect to gypsum can be quantified using the saturation index (SIgypsum) defined 

by: 

𝑆𝐼𝑔𝑦𝑝𝑠𝑢𝑚  =  𝑙𝑜𝑔 (
𝐼𝐴𝑃𝑔𝑦𝑝𝑠𝑢𝑚

𝐾𝑔𝑦𝑝𝑠𝑢𝑚
)            

 (3) 

where IAPgypsum signifies the aqueous ion activity product for reaction (1). Note that SI 

is negative when the fluid is undersaturated, positive when supersaturated, and zero at 

fluid-mineral equilibrium. The dissolution of gypsum adds calcium to the aqueous 

solution, which can provoke the precipitation of calcium carbonate phases (CaCO3) if 

dissolved carbonate is present from: 

HCO3
- + Ca2+ = CaCO3 + H+             (4) 



 

 

Combining Eqn. (1) and (4) yields: 

CaSO42H2O + HCO3
- ⇌ CaCO3 + H+ + SO4

2- + 2H2O       (5) 

The degree to which reaction (5) converts gypsum to calcite depends strongly on 

pH. The concentration of dissolved calcium in equilibrium with gypsum at a total 

dissolved SO4
2- concentration of 0.01 mol/kg and in equilibrium with calcite at 

atmospheric CO2 pressure and 30 bars CO2 pressure as a function of pH are illustrated 

in Fig. 1. Figure 1 was calculated using PHREEQC V3 (Parkhurst and Appelo, 2013) 

by setting alternatively the partial pressure of CO2 in the input file to the partial pressure 

of interest, and balancing the charge of the fluid phase with either Na or Cl.  Gypsum 

solubility is independent of both pH and CO2 partial pressure, whereas the solubility of 

calcite is strongly pH dependent. At atmospheric CO2 pressure and pH less than ~7.5, 

reaction (5) will tend to the left dissolving calcite and driving the precipitation of 

gypsum. Whereas if the pH of the fluid is greater than 7.5, gypsum would dissolve 

provoking the precipitation of calcite. Similarly, at a CO2 pressure of 30 bars, reaction 

(5) will tend to the right dissolving gypsum and driving the precipitation of calcite at 

pH>5.1. It can thus be anticipated that the presence of dissolved carbonate at basic 

conditions would tend to favor the formation of calcite from gypsum. 

 

3. MATERIALS AND METHODS 

Two kinds of gypsum were used in the experiments as starting solids. One was 

synthetic, analytical grade CaSO42H2O produced by Acros organics with a reported 

purity of more than 98%. This synthetic gypsum was used for experiment SYN11. The 

other consisted of natural gem-quality translucent crystals. This natural gypsum was 

used for experiments NAT8-1, NAT8-2, NAT11, NAT13 and the experimental series S8 

and S11. The natural gypsum was ground with an agate mortar and pestle. Both the 

synthetic and natural gypsum powders were ultrasonically cleaned 5 times in ethanol 

to remove ultra-fine particles then dried in a desiccator at ambient temperature for one 

week. Following drying, both synthetic and natural gypsum samples were analyzed 

using an X`Pert PRO X-ray diffractometer (XRD) and a JSM-6480LV scanning 

electron microscope (SEM). X-ray diffractograms of the solids indicated the presence 



 

 

of only well-crystallized gypsum (Fig. 2a). SEM images of these powers showed the 

gypsum surfaces to be smooth and fine-particle free (see Fig. 3a-d). The specific surface 

area of the synthetic gypsum and natural gypsum were 4.67±0.4 m2/g and 0.75±0.07 

m2/g respectively, as determined by 10-point N2 adsorption analysis, according to the 

BET method (Brunauer et al., 1938). The total inorganic carbon content of these solids 

was determined using a Thermo Flash EA 1112 Carbon/Nitrogen analyzer with a 

precision better than 0.1%.  

Two types of experiments were run to study the transformation of gypsum to 

calcite. Experiments NAT8-1, NAT8-2, SYN11, NAT11 and NAT13 were performed in 

250 mL Azlon polypropylene batch reactors with airtight lids. These lids were fitted 

with outlets allowing fluid sampling from the reactor during the experiments. Regular 

fluid sampling allowed tracking of the temporal evolution of the chemical composition 

of the fluid phase. Further experiments, experimental series S8 and S11, were 

performed in sealed 70 mL Nalgenes polypropylene vials. These series consisted of 7 

to 12 individual batch experiments with the same initial fluid and gypsum but run over 

different durations. These vials did not contain outlets for fluid sampling; each vial was 

sealed and opened only at the end of each individual batch experiment. At this time, all 

the fluid and solid was collected from the individual reactor. This allowed for the 

detailed characterization of the morphology and mineralogy of the solids as a function 

of time. Two types of fluid/solid mixing methods were used. Experiments NAT8-1 and 

SYN11 were continuously stirred with floating Teflon-coated magnetic stir bars. 

Whereas experiments NAT8-2, NAT11 and NAT13, and the experimental series S8 and 

S11 were run in shaking thermostatic water baths. All experiments were performed at a 

temperature of 25 ± 1.5 ºC and ambient pressure (~ 1 bar). 

All experiments were initiated by adding a selected mass of ground, cleaned 

gypsum powder into the reactor containing an initial reactive aqueous fluid. All initial 

fluids were made using ultrapure de-ionized water (18.2 MΩ·cm) together with Merck 

reagent grade Na2CO3, NaHCO3 and NaOH. The mass of gypsum used, the composition 

of all initial reactive aqueous fluids, and other experimental details are provided in 

Table 1. 



 

 

The experiments in this study ran for up to 336 h. Between 1.5 and 2.0 g of fluid 

were sampled regularly from each of the 250 mL Azlon polypropylene batch reactors. 

These fluids as well as those from the individual batch reactors were sampled using 

polypropylene syringes equipped with 0.22 μm polyethersulfone filters, then separated 

into two subsamples; one subsample was used for measuring pH and alkalinity, the 

other was acidified with double distilled, ultrapure HNO3 (to 2% HNO3) for Ca and S 

analysis. The pH of these fluids was measured immediately after sampling using a 

Mettler Toledo F20 pH meter equipped with a LE438 Mettler Toledo electrode. The 

alkalinity of the fluid samples from all experiments were measured using a Mettler 

Toledo G10S automatic titrator equipped with a DGi115-SC electrode. Before each use, 

the electrodes for pH and alkalinity analyses were calibrated using NIST 4.01, 7.00, 

and 9.21 pH buffer solutions at 25 ºC. The uncertainties of measurements are ±0.03 

based on replicate analyses of the standard buffer solutions. The dissolved Ca and S 

were analyzed by inductively coupled plasma optical emission spectroscopy (ICP-OES) 

with a Varian 720. The detection limit was calculated to be 1.25 × 10−6 mol/kg for Ca 

and 1.34 × 10−6 mol/kg for S; the analytical uncertainty was generally lower than 5%. 

The total dissolved inorganic carbon (DIC) and the saturation state of the sampled fluids 

with respect to selected solid phases were calculated from measured pH, alkalinity, and 

Ca and S concentration using PHREEQC V3 (Parkhurst and Appelo, 2013). The post-

experiment solids were collected via vacuum filtration with 0.22 μm nylon membrane 

filters. All solids were stored in a desiccator for ~1 week at ambient temperature prior 

to analysis. 

As the initial fluids in the experiments performed in this study were essentially Ca 

and S free, the total mass of CaCO3 precipitated (mCaCO3, precipitated) at any time during 

each experiment can be calculated from mass balance constraints taking account 

reactions 1 and 5 using: 

𝑚𝐶𝑎𝐶𝑂3,𝑝𝑟𝑒𝑐𝑖𝑝𝑖𝑝𝑖𝑡𝑎𝑡𝑒𝑑 = 𝑚𝑆 − 𝑚𝐶𝑎         (6) 

where mS and mCa refer to the total aqueous fluid mass in the reactor of S and Ca.  The 

weight percent of CaCO3 in the solid at any time (%CaCO3) is therefore 



 

 

%𝐶𝑎𝐶𝑂3 =
𝑀𝐶𝑎𝐶𝑂3(𝑚𝑆−𝑚𝐶𝑎)

𝑀𝐶𝑎𝐶𝑂3
(𝑚𝑆−𝑚𝐶𝑎)+𝑀𝐺𝑦𝑝𝑠𝑢𝑚(𝑚𝐺𝑢𝑝𝑠𝑢𝑚,𝑖𝑛𝑖𝑡𝑖𝑎𝑙 −𝑚𝑆)

      

 (7) 

where MCaCO3 and MGypsum represent the molar weight of CaCO3 and gypsum, 

respectively, and mgypsum,initial, refers to the mass of gypsum in the reactor at the 

beginning of the experiment. Such calculations will be used in this study to assess the 

mineralogical evolution of the solids during the experiments presented below.  

The maximum percent of gypsum transformed to CaCO3 is limited by the initial 

masses of gypsum and dissolved carbonate in the closed system reactors. If all the 

dissolved carbonate initially present in the reactor is incorporated into CaCO3 solids, 

and the aqueous Ca concentration is negligible compared to that in the solid phase, then 

the mass of gypsum remaining in the reactor at the completion of the reaction (mgypsum 

remaining) would be: 

𝑚𝑔𝑦𝑝𝑠𝑢𝑚 𝑟𝑒𝑚𝑎𝑖𝑛𝑖𝑛𝑔 = (𝑚𝑔𝑦𝑝𝑠𝑢𝑚,𝑖𝑛𝑖𝑡𝑖𝑎𝑙 − 𝑚𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒,𝑖𝑛𝑖𝑡𝑖𝑎𝑙)      (8) 

then the maximum weight ratio of CaCO3 (wt. %) in the solid phase would then be  

%𝐶𝑎𝐶𝑂3,𝑚𝑎𝑥  =  
𝑚𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒,𝑖𝑛𝑖𝑡𝑖𝑎𝑙 𝑀𝐶𝑎𝐶𝑂3

𝑚𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒,𝑖𝑛𝑖𝑡𝑖𝑎𝑙 𝑀𝐶𝑎𝐶𝑂3+(𝑚𝑔𝑦𝑝𝑠𝑢𝑚,𝑖𝑛𝑖𝑡𝑖𝑎𝑙−𝑚𝑐𝑎𝑟𝑏𝑜𝑛𝑎𝑡𝑒,𝑖𝑛𝑖𝑡𝑖𝑎𝑙) 𝑀𝑔𝑦𝑝𝑠𝑢𝑚
×

100%                  (9) 

where mcarbonate,initial and mgypsum,initial refer to total mass of dissolved carbonate and 

gypsum initially present in the closed system reactor, respectively. Note that the results 

for calcite mass ratio, deduced by Eqn. (9) will be limited somewhat by the solubility 

of CaCO3 phases in the reactor fluid as some dissolved carbonate will remain in the 

fluid.  

 

4. RESULTS 

4.1. Chemical evolution of the fluid phase 

4.1.1 Experiments performed in initial 100 mmol/kgw Na2CO3 solutions  

The SYN11, NAT11 and S11 experiments were performed by exposing the initial 

natural or synthetic gypsum to an aqueous 0.1 M Na2CO3 solution. The chemical 

evolution of the fluid during these experiments is reported in Table 2 and shown in Fig. 

4. 



 

 

The initial fluid pH of the SYN11 experiment was 11.36. The pH of this fluid 

decreased to 8.63 after only 0.08 h, then continued to decrease to an approximately 

constant value in the 8.04 to 8.42 range. The dissolved S concentration increased to 107 

mmol/kgw during the first 0.08 h of the experimental series then remained close to 

constant, ranging from 90 to 109 mmol/kgw throughout the rest of the experiment. The 

aqueous Ca concentration remained close to constant ranging from 10.2 to 11.1 

mmol/kgw after 0.42 h through the end of the experiment (Fig. 4a). 

There was a distinctly slower gypsum dissolution rate in experiment NAT11 (Fig. 

4b). The aqueous fluid had an initial pH of 11.11. This pH decreased to 10.77 during 

the first 22.8 h of reaction, and continued to decrease to 8.10 after 118.8 h. The pH 

subsequently remained relatively stable between 8.10 and 7.77 for the duration of the 

experiment. The aqueous S concentration increased to 88 mmol/kgw during the first 

94.8 h of the experiment then remained relatively stable ranging from 100 and 116 

mmol/kgw during the rest of the experiment. The measured aqueous Ca concentration 

remained relatively low compared to the corresponding aqueous S concentration 

throughout the experiment, and never exceeded 10.6 mmol/kgw. The alkalinity at the 

end of experiment was 1.74 mmol/kgw (Table 2). The calculated saturation indices of 

the final fluid with respect to gypsum, calcite, vaterite, aragonite and ACC were 0.14, 

0.24, -0.38, 0.09 and -1.91, respectively, suggesting that the transformation between 

gypsum and the CaCO3 phases occurred at near to equilibrium conditions (Fig. 7). 

The pH of the original reactive aqueous solutions during experimental series S11, 

which consisted of a set of individual batch experiments run for a selected duration of 

time, is listed in Table 1 and ranged from 11.29 to 11.42. This pH remained in the range 

of 11.17 to 11.27 for the experiments having elapsed times of less than 2 h. The pH of 

the fluid samples collected from the experiments after 24 h of reaction decreased to 

6.97 and the pH remained within the range 6.74 and 7.87 for the remainder of this 

experimental series (Fig. 4c). The reactive fluid S and Ca concentrations increased 

substantially at the beginning of these experiments. After 24 h of reaction, the dissolved 

S concentrations ranged from 119 to 130 mmol/kgw, while the dissolved Ca 

concentrations ranged from 8.8 to 10.4 mmol/kgw. Similarly, the measured alkalinities 



 

 

decreased to 3 from 100 mmol/kgw over the first 24 h (see Fig. 4c), then remained 

within the range from 1.7 to 2.1 mmol/kgw during the rest of the experimental series. 

The calculated saturation indices for calcite, vaterite and aragonite showed that these 

phases were supersaturated during the first 24 h of the experimental series (Fig. 7). In 

contrast, the reactive fluid was undersaturated with respect to gypsum during the first 

24 h of the experiments, but was at equilibrium with gypsum thereafter. Moreover, ACC 

was calculated to be undersaturated in all collected fluid samples. 

 

4.1.2 Experiments performed in initial 100 mmol/kgw NaHCO3 aqueous solutions  

The results of experiments NAT8-1 and NAT8-2, and the S8 experimental series, 

which were begun by placing gypsum into 0.1 mol/kgw aqueous NaHCO3 solutions, 

are summarized in Table 3 and shown in Fig. 5. 

In experiment NAT8-1, the initial fluid pH was 8.41; the pH dropped to 7.40 within 

0.17 h of reaction. With more reaction time, the pH decreased further, attaining a near 

to constant value ranging from 6.76 to 7.15. During the first 0.17 h of the reaction, 

aqueous S and Ca concentration increased to 22.75 mmol/kgw and 18.31 mmol/kgw 

respectively. Subsequently, the aqueous S concentration increased while the aqueous 

Ca decreased. The S and Ca concentrations trended to near constant values after 46.6 h 

ranging from 36.8 to 43.1 mmol/kgw and from 12.6 to 13.7 mmol/kgw, respectively 

(Fig. 5a). 

The NAT8-2 experiment exhibited a similar evolution as the NAT8-1 experiment 

(Fig. 5b). The fluid pH dropped from an initial value of 8.42 to 7.11 during the first 0.1 

h of the experimental series then subsequently ranged from 6.85 to 6.99 for the rest of 

the series. Within the first 0.1 h of the experimental series, the S and Ca concentrations 

in the reactive fluid increased to 23 mmol/kgw and 19 mmol/kgw respectively. The S 

concentration continued to increase with time reaching 38 mmol/kgw at 22.3 h, while 

the Ca concentration decreased to 13 mmol/kgw by this time. Subsequently these 

concentrations remained approximately constant. The reactive fluid was close to 

saturation with respect to gypsum and the CaCO3 phases during this steady-state period. 

The saturation indices were calculated to be 0.02, 0.98, 0.41, 0.84 and -1.11 for gypsum, 



 

 

calcite, vaterite, aragonite and ACC, respectively, at the end of the experiment (see Fig. 

7). 

The results of the S8 series are provided in Table 3 and Fig. 5. The original pH of 

these reactive fluids was between 8.05 and 8.41 (Table 1). The fluid pH decreased to 

6.74 during the first 24.3 h reaction then remained in the range of 6.53 to 6.76 thereafter 

(Fig. 5c). Similarly, the aqueous fluid S and Ca concentrations increased during the 

early part of the experimental series, before settling in a range of 39.2 to 42.7 mmol/kgw 

for S and 13.7 to 13.9 mmol/kgw for Ca after 71.9 h. Calculated alkalinities decreased 

continuously with time as CaCO3 phases continue to precipitate (Table 3). The 

saturation indices of these fluids with respect to selected minerals are depicted in Fig. 

7 and tabulated in Table 3. Vaterite is found to be strongly supersaturated during the 

first 24 h of reaction, whereas ACC was undersaturated throughout the experiments. 

The fluids were close to saturation with respect to gypsum after 24 h of reaction, 

whereas calcite and aragonite were calculated to be slightly undersaturated. 

 

4.1.3 Experiments performed in initial 100 mol/kgw Na2CO3 + 200 mol/kgw NaOH 

aqueous solutions  

The initial fluid for the NAT13 experiment was an aqueous 100 mmol/kgw 

Na2CO3 and 200 mmol/kgw NaOH solution. The results of this experiment are provided 

in Table 4 and Fig. 6. The initial pH of this solution was 12.86 and remained within the 

range 12.64 and 13.10 throughout the experiment. Both the reactive fluid S and Ca 

increased during the first 45.4 h of the experiment then remained close to constant. 

After this time, the dissolved S concentrations ranged from 120 to 125 mmol/kgw 

whereas the dissolved Ca concentrations ranged from 5 to 8.5 mmol/kgw. At the end of 

this experiment, the pH and reactive fluid alkalinity were 12.97 and 158 mmol/kgw 

respectively (Table 4). The calculated DIC was 1.38 mmol/kgw and the calculated 

saturation indices in the fluid with respect to gypsum, calcite, vaterite, aragonite and 

ACC were 0.74, 2.17, 2.03, 1.60 and 0.08, respectively, at the end of the experiment 

(Table 4, Fig. 7). 

 



 

 

4.2. Compositions of recovered solids 

X-ray diffraction (XRD) patterns were obtained from all initial and collected 

reacted solids. A number of representative XRD patterns are shown in Fig. 2. XRD 

patterns of the unreacted natural and synthetic show the solids to be pure gypsum 

without any carbonates or other phases present (Fig. 2a). In the solids recovered after 

0.2 h in the experimental series S11 (sample S11-1), small peaks indicative of vaterite 

and calcite are observed (Fig. 2b). The XRD patterns of solids recovered after 24.1 h 

and 167.8 h of this experimental series show the vaterite and calcite peaks becoming 

more apparent, while the gypsum peaks decreased in magnitude (Fig. 2c, d). The XRD 

pattern of the final sample recovered from this experimental series, S11-12, after 336 

hours of reaction shows that the calcite peaks are dominant while only small peaks for 

gypsum and aragonite could be detected (Fig. 2e), hence the dominant mineral in the 

solid collected is calcite rather than gypsum. 

Scanning electron microscope images of the solids collected from experiments 

having a 1.0 h, 2.0 h and 336 h reaction duration from the S11 series are presented in 

Fig. 8a - h. Within 2.0 h after the start of the experimental series, a large number of 

semi-spherical calcium carbonate grains with the sizes of 2.3 to 3.5 μm formed on the 

surface of gypsum (Fig. 8a). These grains are associated with irregularly shaped etch 

pits on the gypsum (Fig. 8b, d). It is plausible that the formation of this carbonate locally 

lowered the concentration of Ca in the fluid phase promoting localized rapid dissolution 

of gypsum and formation of these etch pits. With additional reaction time, it can be seen 

that calcite and vaterite crystals grew on the gypsum surface (Fig. 8b - h). 

The measured CaCO3 contents for recovered solids are in a good agreement with 

the corresponding CaCO3 contents calculated from Eqn. (7) and the reactor fluid 

compositions. The measured CaCO3 contents listed in Table 5 indicate the final CaCO3 

contents of the recovered solids are 73.3, 11.6 and 73.5 wt. % for experiments NAT11, 

NAT8-2 and NAT13, respectively (see Fig. 8). In total, these experiments fixed 0.32, 

0.05 and 0.32 g CO2/g solid (Table 5). The calculated CaCO3 contents determined from 

fluid compositions by using Eqn (7), indicate that CaCO3 precipitated immediately as 

the experiment started, and most CaCO3 precipitated within first few days of each 



 

 

experiment (see Fig. 9). In the experiments performed in 100 mmol/kgw Na2CO3 

(experiment NAT11), almost all of the CaCO3 formed between 0 and 118.8 h, and 

precipitation stopped almost completely thereafter (Fig. 9a). In total, the calculated 

mass fraction of CaCO3 in the solid was 76.2 wt. % following the completion of the 

reaction for the experiment NAT11 (Table 5). In the experiments performed in aqueous 

100 mmol/kgw NaHCO3 solutions (experiment NAT8-2), the CaCO3 mainly formed 

during the first 22.3 h. In total, the calculated CaCO3 precipitated in the solids at the 

end of NAT8-2 was 15.3 wt. % (Table 5 and Fig. 9b), In the experiments performed in 

an aqueous 100 nmol/kgw Na2CO3 + 200 mmol/kgw NaOH solution, experiment 

NAT13, the carbonates mainly precipitated during the first 45.4 h of the experiment, 

then essentially stopped after the calculated mass fraction of CaCO3 in the solid was 

83.5 wt. % (Table 5 and Fig. 9c). Note that in all cases the final mass of CaCO3 

precipitated was limited by the relative mass of gypsum compared to dissolved 

carbonate originally in the reactors. This is evident in Fig 9, which also plots the 

maximum gypsum to calcite conversion percent in each experiment. If all the dissolved 

carbonate could transform into calcite and precipitated from the fluid, the calculated 

maximum mass fraction of CaCO3 in the solids would be 77.5, 12.3 and 82.6 wt. % for 

NAT11, NAT8-2 and NAT13 respectively (Fig. 8). In all cases, the mass fractions of 

CaCO3 approach their maximum gypsum to carbonate conversions (Fig. 9a, c).  

 

5. DISCUSSION 

5.1. Mineralogical evolution during the carbonation process 

The observations summarized above indicate that the carbonation of gypsum 

began by the initial formation of either fine grained amorphous calcium carbonate, or 

vaterite, followed by calcite and by aragonite in some of the experiments (see Fig. 8). 

Note that ACC was undersaturated in the reactive solutions during all experiments 

except in the final NAT13 fluid samples, whose SI of ACC was 0.08 (Table 4). Due to 

the small size and mass of the initial grains, however, it was not possible to 

unambiguously determine the identity of these grains. Nevertheless the formation of 

ACC on dissolving gypsum surfaces when the bulk fluids are undersaturated with 



 

 

respect to ACC is consistent with the conclusions of Fernández-Díaz et al. (2009) who 

proposed that such observations could stem from the sluggish transport of aqueous Ca 

away from this surface relative to the fast dissolution rates. ACC often forms 

immediately after the mixture of Ca2+ and CO3
2- in aqueous solution (Sawada, 1997). 

ACC was also the first product reported to be observed during the carbonation of lime 

(Moorehead, 1986; Cizer et al., 2012a; 2012b; Santos et al., 2013; Song et al., 2014). 

As the reaction time increased in all experiments, the minute grains transform into 

larger CaCO3 polymorphs similar to the observations of Bolze et al. (2002), Pontoni et 

al. (2003) and Rodriguez-Blanco et al. (2011). According to the XRD results for 

experiment S11-1, vaterite and calcite formed on the gypsum surface after 0.20 h 

reaction time (Fig. 2b). In the two solid samples collected after 24.1 and 167.8 hours of 

reaction (Fig. 2c, d), vaterite and calcite became more dominant, while gypsum 

continued to dissolve. After 336 h of reaction, vaterite decreased in abundance, and 

SEM images, such as shown in Fig. 8g - h, indicate that vaterite transformed into calcite. 

These images showed a close proximity between dissolving vaterite and growing calcite 

similar to what might be found for a coupled dissolution-precipitation mechanism 

(Putnis, 2009). In the sample collected from the 336 h experiment, aragonite peaks were 

detected in the XRD diffractogram (Fig. 2e) despite calcite being more stable than 

aragonite at 25 ºC. Previous experimental results have reported aragonite formation 

during the carbonation of gypsum or anhydrite at ~25 ºC (Spanos and Koutsoukos, 1998; 

Fernández-Díaz et al., 2009; Altree-Williams et al., 2017). Field studies have also 

reported the formation of aragonite as a replacement product of gypsum in both the 

sediments of the Upper Permian Zechstein Group of Central Germany (Peckmann et 

al., 1999) and the lacustrine deposits of the Miocene Teruel and Cabriel Basins in 

eastern Spain (Anadón et al., 1992). Bischoff and Fyfe (1968) and Bischoff (1968) 

found that high aqueous SO4
2- concentrations could inhibit calcite formation favoring 

aragonite. Moreover, aragonite tends to nucleate in calcium limited or high dissolved 

carbonate concentration conditions (Given and Wilkinson, 1985; Fernández-Díaz et al., 

1996).  

 



 

 

5.2. Impacts of mixing method and gypsum surface area on the carbonation rate 

The experiments of this study were run using two distinct mixing methods – 

magnetic stirring bars and shaking in a thermostatic bath. The effect of the stirring 

method on gypsum carbonation rates can be evaluated by comparing the results of 

experiments NAT8-1 and NAT8-2 (Fig. 5a and 5b). Both experiments dissolved natural 

gypsum in 0.1 mol/kgw NaHCO3 solutions but used different mixing methods. The 

temporal evolution of the reactive fluid S and Ca concentration was almost identical 

between these two experiments. Both attained approximately equilibrium fluid 

concentrations within ~24 h. Thereafter the Ca concentrations of the fluid phases in 

both experiments ranged between 12.0 and 16.9 mmol/kgw and the S concentrations 

range between 36.7 and 43.1 mmol/kgw (see Table 3). According to the experimental 

results in this study, the normalized dissolution rate constant of gypsum during its 

carbonation is 1.1 ± 0.1 × 10-7 mol/m2/s in both experiments (see section 5.3). It follows 

that the choice of mixing method has no apparent effect on rate and extent of the 

gypsum-to-calcite. The consistency of these results suggests their generality and their 

potential applicability to assessing gypsum carbonation in natural systems. 

The effect of surface area on gypsum carbonation rates can be assessed by 

comparing the results of experiments SYN11 and NAT11 combined with S11 series, 

which are presented in Fig. 4a and 4b, respectively. Note that the dissolution of 

synthetic gypsum was nearly instantaneous and that the fluid achieved close to 

equilibrium conditions with respect to gypsum 0.42 h after the start of the reaction in 

the SYN11 experiment (Fig. 4a). In the NAT11 experiment, which reacted natural 

gypsum with lower specific surface area than the synthetic gypsum used in SYN11, an 

equilibrium state was not attained until after 71.9 to 94.8 h of reaction (Fig 4b). These 

results are consistent with previous work showing that the dissolution rate of gypsum 

is controlled primarily by its surface area and Ca concentration in the reactive fluid 

(Christoffersen and Christoffersen, 1976; Liu and Nancollas, 1971; Feng et al., 2017; 

Tang et al., 2018). Note that despite the difference in dissolution rates, the final reactive 

fluid Ca and S concentrations in experiments NAT11, S11 and SYN11 were similar to 

their calculated equilibrium values (Table 2). The similar behavior of natural versus 



 

 

synthetic gypsum further confirms the generality of the results obtained in this study.  

 

5.3 Geochemical modeling of experimental results and retrieval of reaction rates 

The results of this study are well adapted for quantification using geochemical 

modeling. To a first approximation, we assume that the rates of gypsum dissolution is 

controlled by detachment of material from its surface consistent with transition-state-

theory (TST) in accord with (Aagaard and Helgeson, 1982; Lasaga, 1984): 

𝑟 =  𝑘𝑔𝑝𝑆 ∏ 𝑎𝑖
𝑛𝑖

𝑖 exp (−
𝐸𝑎

𝑅𝑇
)𝑓(𝛥𝐺𝑅)           (10) 

where the r refers to the dissolution rate, kgp stands for a dissolution rate constant, S 

denotes the reactive surface area of the mineral in the fluid, a denotes the activity of 

species i, and the exponent ni represents a reaction order (Lasaga et al., 1994; Oelkers 

et al., 1994), Ea signifies an apparent activation energy, R symbolizes the gas constant, 

and T stands for absolute temperature. The dimensionless term f(ΔGR) is a function of 

the distance from the thermodynamic equilibrium with respect to the dissolving phase 

and is given by: 

𝑓(𝛥𝐺𝑅)  = [1 − exp (
𝛥𝐺𝑅

𝑅𝑇⁄ )]𝑞𝑖           (11) 

where ΔGR designates the free energy of the reaction – a review of the development 

of this rate equation is provided by (Lasaga et al., 1981).  The term qi refers to an 

empirical parameter, which was found to equal or close to 1 by most of the published 

studies on gypsum dissolution. To model the observed release rates of Ca2+ and SO4
2– 

we adopted qi = 1.2, as recommended for gypsum by Jeschke et al. (2001). 

Calcite was chosen to be the only precipitating phase in the system for the model 

calculations, although there is visual evidence for the precipitation and subsequence 

dissolution of other calcium carbonate phases. This simplification was adopted for two 

reasons 1) kinetic parameters describing the precipitation of vaterite and to a lesser 

degree aragonite are lacking in the literature, and 2) calcite is the most stable carbonate 

phase detected in this study (Katz et al., 1972; Rao, 1973; Spanos and Koutsoukos, 

1998; Bots et al., 2012; Rodriguez-Navarro et al., 2015; Rodriguez-Blanco et al., 2011, 

2017).  Taking account te combined processed of nucleation and growth, calcite 



 

 

precipitation rates can be described using Combining the BCF growth equation with a 

simplified form of Eqn. (11), where the nucleation rate parameters are grouped into the 

single constant 𝛤 , the following equation can be deduced describing calcite 

precipitation rates (Walton et al., 1967; Nielsen, 1983; Shiraki and Brantley, 1995; 

Pham et al., 2011; Hellevang et al., 2013): 

𝑟− = −𝑘−𝑆 ∏ 𝑎𝑖
𝑛𝑖

𝑖 exp (−
𝐸𝑎

𝑅𝑇
) {𝛺 − 1}2 − 𝑘𝑁 exp {−𝛤 (

1

(𝑇)3/2𝑙𝑛𝛺
)

2

},   (12) 

where the precipitation rate constant k- was taken to be equal to 1.0 × 10-7.06 as reported 

by Naviaux et al. (2019) and values of kN and Γ were respectively set to either 1 or 2 

mol/s and 2.0 × 1010 in agreement with the values recommended by Pham et al. (2011) 

for calcite nucleation. Note that Eqn. (12) is based on the assumption that calcite 

nucleates on a specific substrate; in this study all secondary carbonates are observed to 

nucleate on the surfaces of the dissolving gypsum The calcite reactive surface area S 

during the precipitation was estimated using 

𝑆 = 𝐴𝐶𝑐 ∙ 𝑀 ∙ 𝑛               (13) 

where ACc designates the specific area of calcite, M refers to the molar weight and n 

stands for the number of moles of calcite. The specific surface area, ACc , in Eqn. (13) 

cannot be determined independently, so were determined by a fit of the experimental 

data. 

Rate equations (10) and (12) were incorporated into PHREEQC to calculate the 

chemical evolution of the experiments performed in this study. Modelling of the 

experimental data was conducted iteratively by the progressive reduction of the 

difference between measured and modeled Ca and S concentrations and pH. The results 

of these regression calculations are shown in Fig. 4 - 6, where a close correspondence 

can be seen between the experimental results and the model calculations. The model 

results in this figure are consistent with a gypsum rate constant (kgp) of 1.1 ± 0.1 × 10-7 

mol/m2/s. Note that there are only minor differences between measured and modeled 

solution pH’s, the latter being lower by no more than 0.4 units compared to the 

measurements. Such a discrepancy may be within the accuracy of the model calculation 

but may be also due to the uncertainty of the thermodynamic constants for the carbonate 



 

 

system or to partial exchange of the experimental solutions with atmosphere CO2. In 

addition, it must be emphasized that calcite was not the only Ca-carbonate phase 

observed in the post-reaction solids. As shown in Figs. 8, vaterite, and possibly some 

ACC, were also identified among the reaction products. 

A good agreement is also found between experimentally measured and calculated 

CaCO3 content of the solids recovered after the experiments. As showed in Table 5, the 

difference between the CaCO3 contents deduced from total carbon (TIC) measurements 

and those calculated from the PHREEQC model is within ± 5%. 

The gypsum dissolution rates generated in this study are significantly lower than 

those reported by several studies in the literature. For instance, Jeschke et al. (2001) 

reported a gypsum dissolution rate constant k of 1.3 × 10-3 mol/m2/s at near to neutral 

pH, whereas Colombani (2008) reported values ranging between 3 and 7 × 10-5 

mol/m2/s based also on a review of previous work. A recent study by Feng et al. (2017) 

on the dissolution of gypsum (010) cleavage surface by digital holographic microscopy 

reported an average dissolution flux of 3.0 × 10-6 mol/m2/s in deionized water. The wide 

range of rate constant values reported in the literature likely stems from different factors 

including: the origin and grain size of sample powders, the experimental approach, the 

influence of hydrodynamic conditions and the type of functions used to regress the data 

(cf. Jeschke and Dreybrodt, 2002; Colombani, 2008; Tang et al. 2018). Even so, the 

rates of gypsum dissolution found in the present study are significantly slower than 

those reported by other studies. Although no studies of gypsum dissolution in alkaline 

and carbonate-rich solution have been published, it is possible that the reaction is 

strongly inhibited under these conditions, as observed for some silicate minerals (e.g., 

Xie, 1994; Pokrovsky and Schott, 2000). 

 

5.4. Implications for carbon storage 

The results presented above suggest that gypsum carbonation will be rapid if this 

mineral is present in the subsurface and the reaction thermodynamically favored (e.g. 

at basic pH conditions - see Fig. 1). Moreover, the precipitation of CaCO3 at gypsum 

surfaces was found not to inhibit its dissolution process. Similar rapid carbonation was 



 

 

found in past studies for CaCO3 minerals replacing gypsum, anhydrite and bassanite 

(Karkanas, 2010; Petrash et al., 2012; Schultheiss et al., 2013; Ruiz-Agudo et al., 2015; 

González-Illanes et al., 2017). The transformation of gypsum to Ca-carbonate changes 

the volume of the solid phase. The density of calcite is 0.027 mol/cm3 whereas the 

densities of gypsum and anhydrite are 0.013 mol/cm3 and 0.022 mol/cm3, respectively. 

As such as gypsum transforms into calcite significant pore space will be created 

(Fernández-Díaz et al., 2009; González-Illanes et al., 2017). Consequently, the gypsum-

calcite transformation could potentially provide migration channels, promoting further 

carbonation or increasing the possibility of CO2 loss from the storage reservoir. A 

similar although smaller volume decrease occurs from the transformation of anhydrite 

to calcite. If the goal of a subsurface carbon injection is the carbonation of a gypsum or 

anhydrite bearing evaporite deposit, the volume change brought about by the 

dissolution of gypsum or anhydrite and precipitation of calcite would favor efficient 

mineral storage if sufficient alkalinity was available to continue favoring this 

transformation. Note, however, that during the coupled gypsum dissolution Ca-

carbonate precipitation (reaction 5) protons are produced, which will tend to destabilize 

calcite over time. In contrast, if a subsurface carbon storage site was designed to retain 

injected CO2 with the aid of an evaporite caprock, the opening of pore space via reaction 

5 could prove problematical allowing CO2 to escape towards the surface. 

Some CO2 capture and storage efforts have proposed to use seawater to capture 

CO2 and use the resulting gas-charged water to carbonate sub-seafloor basalts (McGrail 

et al., 2006; Goldberg et al., 2008; Wolff-Boenisch et al., 2011). As seawater contains 

substantial aqueous sulfate, the first calcium-bearing phase to precipitate in the basalt 

due to this injection prior to the neutralization of the injected water by basalt dissolution 

could be either gypsum or anhydrite (c.f. Voigt et al., 2018). The precipitation of 

gypsum or anhydrite would occur because the carbonic acid in the gas-charged seawater 

would trigger the dissolution of basaltic rock, which produces aqueous Ca2+. 

Alternatively, if the target storage reservoir was at temperatures in excess of ~150 °C 

anhydrite might precipitate directly from heating the CO2 charged seawater (Bischoff 

and Dickson, 1975; Voigt et al., 2018). The results of this study demonstrate that if 



 

 

gypsum or anhydrite forms during the early stages of CO2 storage in sub-sea floor basalt, 

it might not limit calcite precipitation over the long-term. Once sufficient basalt 

dissolved, the pH would increase, destabilizing gypsum and promoting calcite 

precipitation (Fig. 1). The results presented above confirm that this reaction is rapid and 

can occur on timescales of hours. 

 

6. CONCLUSIONS 

This study investigated the carbonation of gypsum in closed-system reactors. The 

results demonstrate the rapid and efficient carbonation of gypsum at those pH 

conditions where this reaction is thermodynamically favored. Indeed, the experimental 

results show that at close to equilibrium conditions are attained between gypsum and 

calcite within days. These results have significant consequences for subsurface mineral 

carbonation efforts. Consideration of the thermodynamic stability of these phases, such 

as shown in Fig. 1, the presence of gypsum and anhydrite in evaporite cap rocks might 

be expected to rapidly carbonate if in the presence of aqueous carbonate at pH > 5.0 to 

7.5 depending on at CO2 partial pressure. As the gypsum to calcite reaction is volume 

negative, these reactions will tend to damage the caprock potentially provoking CO2 

leakage. The carbonation of gypsum, however, if present in submarine basalts could 

enhance carbon storage in these systems. 
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Figure 1. Calculated values of the logarithm of calcite solubility and logarithm of 

gypsum solubility in aqueous solutions having a total [SO4
2-] = 0.01 mol/kgw and a 

total NaCl concentration of 0.01 mol/kgw versus fluid pH under atmosphere and 30 

bar CO2 partial pressure. 

 

  



 

 

 

 

Figure 2. XRD diffractograms for solid samples before (a) and during experimental 

series S11 after (b) 0.2 h, (c) 24 h, (d) 167 h, and (e) 336 h. The XRD pattern of selected 

minerals are provided at the bottom of the figure for reference. 

  



 

 

 

Figure 3. SEM images of the natural gypsum and synthetic gypsum used in this study. 

(a) natural gypsum before the experiments; (b) the magnified picture of dashed area in 

(a); (c) synthetic gypsum before the experiment; (d) the magnified picture of dashed 

area in (c). 

 

  



 

 

 

Figure 4. The evolution of dissolved S and Ca concentration and pH in the reactive fluid 

as a function of time: (a) experiment SYN11; (b) experiment NAT11 and (c) 

experimental series S11. The errors are smaller than the symbols unless otherwise 

shown. 

  



 

 

 

Figure 5. The evolution of dissolved S and Ca concentration and pH in the reactive fluid 

as a function of time for experiments (a) NAT8-1 and (b) NAT8-2, and (c) experimental 

series S8. The errors are smaller than the symbols unless otherwise shown. 

  



 

 

 

Figure 6. The evolution of dissolved S and Ca concentration and pH in the reactive fluid 

as a function of time for experiment NAT13. The errors are smaller than the symbols 

unless otherwise shown. 

  



 

 

 

 



 

 

 

Figure 7. Calculated saturation indexes for carbonate minerals and gypsum in the 

reaction fluids of (a) calcite; (b) aragonite; (c) vaterite; (d) ACC; (e) gypsum. The error 

bars are based on variation between the duplicate experiments. The errors are smaller 

than the symbols unless otherwise shown. 

 

  



 

 

 

Figure 8. SEM images of the natural gypsum of the experimental series S11. (a) ACC, 

vaterite and calcite formed in the etch pits on the surface of gypsum (experiment S11-



 

 

1, reaction time: 0.2 h); (b) the magnified image of the dashed area in (a); (c) image 

showing vaterite and calcite on gypsum and hair-liked gypsum dissolved remnants 

(experiment S11-3, reaction time: 1 h); (d) solids recovered from experiment S11-4, 

after 2h reaction time; (e) solids recovered from experiment S11-12 after 336.0 h of 

reaction time; (f) the magnified image of the dashed area in the picture (e). (g), (h) the 

transformation of vaterite into calcite during experimental series S11 after 0.2 h elapsed 

time. Note that the abbreviations ACC, Vat, Cal, and Gyp refer to amorphous calcium 

carbonate, vaterite, calcite, and gypsum, respectively. 

  



 

 

 

 

Figure 9. Temporal evolution of CaCO3 content of the solids based on either 1) fluid 

phase mass balance calculations, 2) direct total inorganic carbon (TIC) measurements 

of the solids, and 3) the calculated possible maximum mass fraction of CaCO3 based 

on PHREEQC model. (a) Experiment NAT11, (b) experiment NAT8-2, and (c) 

experiment NAT13 – see text. 



 

 

Table 1. Summary of the experimental conditions of the batch experiments. 

Experimental run 
Gypsum 

type 
Mixing method 

Elapsed time 

h 

Na2CO3 

mol/kgw 

NaHCO3 

mol/kgw 

NaOH 

mol/kgw 
pH 

Gypsum mass 

g 

Fluid mass 

G 

Rock / Fluid ratio 

g / 100 g fluid 

SYN11 Synthetic Stir bar 94.9 0.1 / / 11.36 4.80 226.3 2.12 

NAT11 Natural Shaking bath 286.8 0.1 / / 11.11 4.80 224.3 2.14 

S11-1 Natural Shaking bath 0.2 0.1 / / 11.30 1.40 72.10 1.94 

S11-2 Natural Shaking bath 0.6 0.1 / / 11.42 1.40 71.70 1.95 

S11-3 Natural Shaking bath 1.0 0.1 / / 11.42 1.40 71.29 1.97 

S11-4 Natural Shaking bath 2.0 0.1 / / 11.42 1.40 72.23 1.94 

S11-5 Natural Shaking bath 24.1 0.1 / / 11.42 1.40 72.64 1.93 

S11-6 Natural Shaking bath 71.9 0.1 / / 11.30 1.40 70.67 1.98 

S11-7 Natural Shaking bath 96.1 0.1 / / 11.35 1.40 70.43 1.99 

S11-8 Natural Shaking bath 120.1 0.1 / / 11.35 1.40 70.82 1.98 

S11-9 Natural Shaking bath 144.1 0.1 / / 11.29 1.40 71.41 1.96 

S11-10 Natural Shaking bath 167.8 0.1 / / 11.29 1.40 70.63 1.98 

S11-11 Natural Shaking bath 240.0 0.1 / / 11.35 1.40 70.48 1.99 

S11-12 Natural Shaking bath 336.0 0.1 / / 11.37 1.40 71.58 1.96 

NAT8-1 Synthetic Stir bar 166.6 / 0.1 / 8.41 4.800 218.090 2.20 

NAT8-2 Natural Shaking bath 166.3 / 0.1 / 8.41 4.800 219.820 2.18 

S8-1 Natural Shaking bath 1.1 / 0.1 / 8.26 1.401 71.310 1.97 

S8-2 Natural Shaking bath 2.0 / 0.1 / 8.26 1.401 72.802 1.92 

S8-3 Natural Shaking bath 24.3 / 0.1 / 8.26 1.401 70.982 1.97 

S8-4 Natural Shaking bath 71.9 / 0.1 / 8.05 1.401 69.847 2.01 

S8-5 Natural Shaking bath 119.9 / 0.1 / 8.25 1.401 70.704 1.98 

S8-6 Natural Shaking bath 168.1 / 0.1 / 8.26 1.401 70.907 1.98 



 

 

S8-7 Natural Shaking bath 336.0 / 0.1 / 8.10 1.401 71.526 1.96 

NAT13 Natural Shaking bath 189.4 0.1 / 0.2 12.86 4.801 223.980 2.14 

 

  



 

 

Table 2. Summary of the results of the experiments performed in 0.1 mol/kgw Na2CO3 solution at 25 ºC. 

Sample_No. 
Elapsed time 

(h) 
pH 

Alkalinity 

Eq/kgw 

Ca 

mmol/kgw 

S 

mmol/kgw 

DIC 

mmol/kgw 

SI 

Calcite 

SI 

Aragonite 

SI 

Vaterite 

SI 

ACC 

SI 

Gypsum 

SYN11-0 0.00 11.36 N/A N/A N/A N/A N/A N/A N/A N/A N/A 

SYN11-1 0.08 8.63 N/A 7.98 107.3  N/A N/A N/A N/A N/A -0.07 

SYN11-2 0.25 8.42 N/A 9.30  96.63  N/A N/A N/A N/A N/A -0.07 

SYN11-3 0.42 8.39 N/A 10.50  108.7  N/A N/A N/A N/A N/A 0.04 

SYN11-4 0.58 8.40 N/A 10.10  106.7  N/A N/A N/A N/A N/A 0.02 

SYN11-5 1.6 8.33 N/A 10.46  103.2  N/A N/A N/A N/A N/A 0.01 

SYN11-6 20.6 8.19 N/A 10.58  104.3  N/A N/A N/A N/A N/A 0.03 

SYN11-7 71.0 8.19 N/A 10.50  101.9  N/A N/A N/A N/A N/A 0.01 

SYN11-8 95.0 8.04 N/A 11.20  91.02  N/A N/A N/A N/A N/A -0.01 

NAT11 0.0 11.11 N/A 0.0057 0 N/A N/A N/A N/A N/A N/A 

NAT11-1 0.1 11.12 N/A 1.74 15.09 N/A N/A N/A N/A N/A -2.44 

NAT11-2 0.3 11.07 N/A 1.02 15.78 N/A N/A N/A N/A N/A -2.65 

NAT11-3 0.8 10.97 N/A 0.256 25.03 N/A N/A N/A N/A N/A -3.00 

NAT11-4 1.8 10.98 N/A 0.0756 29.66 N/A N/A N/A N/A N/A -3.44 

NAT11-5 5.8 10.84 N/A 0.206 34.04 N/A N/A N/A N/A N/A -2.91 

NAT11-6 22.8 10.77 N/A 0.0336 55.54 N/A N/A N/A N/A N/A -3.35 

NAT11-7 94.8 8.86 N/A 1.640 87.65 N/A N/A N/A N/A N/A -0.88 

NAT11-8 118.8 8.10 N/A 5.14 104.6 N/A N/A N/A N/A N/A -0.26 

NAT11-9 142.8 7.86 N/A 7.18 108.8 N/A N/A N/A N/A N/A -0.11 

NAT11-10 166.8 7.80 N/A 7.81 100.0 N/A N/A N/A N/A N/A -0.11 

NAT11-11 190.8 7.77 N/A 9.28 110.9 N/A N/A N/A N/A N/A 0.00 

NAT11-12 286.8 7.82 0.0017 10.58 116.3 1.75 0.24 0.09 -0.38 -1.90 0.14 

S11-1 0.2 11.22 0.1641 0.166 23.41 83.04 1.35 1.20 0.73 -0.79 -3.20 



 

 

S11-2 0.6 11.27 0.1725 0.417 12.94 87.03 1.72 1.58 1.11 -0.41 -3.12 

S11-3 1.0 11.20 0.1363 0.299 29.36 68.91 1.44 1.29 0.82 -0.70 -3.01 

S11-4 2.0 11.16 0.1224 0.125 38.11 62.03 1.21 1.07 0.60 -0.92 -3.00 

S11-5 24.1 9.60 0.0040 1.11 99.31 3.02 1.08 0.94 0.47 -1.05 -0.89 

S11-6 71.9 6.97 0.0014 8.75 119.5 1.66 -0.78 -0.93 -1.40 -2.92 0.06 

S11-7 96.1 7.01 0.0016 10.30 128.6 1.81 -0.64 -0.79 -1.25 -2.77 0.14 

S11-8 120.1 7.68 0.0017 10.19 125.2 1.78 0.06 -0.09 -0.55 -2.07 0.13 

S11-9 144.1 7.43 0.0017 10.30 127.8 1.84 -0.18 -0.33 -0.80 -2.32 0.14 

S11-10 167.8 7.11 0.0019 10.21 121.2 2.13 -0.46 -0.60 -1.07 -2.59 0.13 

S11-11 240.0 6.74 0.0013 10.36 129.5 1.70 -0.99 -1.13 -1.60 -3.12 0.14 

S11-12 336.0 7.87 0.0021 10.23 122.9 2.11 0.34 0.19 -0.28 -1.80 0.13 

  



 

 

Table 3. Summary of gypsum dissolution experiments performed in 0.1 mol/kgw NaHCO3 solution at 25 ºC. 

Sample_No. 

Elspased 

time 

(h) 

pH 
Alkalinity 

Eq/kgw 

Ca 

mmol/kgw 

S 

mmol/kgw 

DIC 

mmol/kgw 

SI 

Calcite 

SI 

Aragonite 

SI 

Vaterite 

SI 

ACC 

SI 

Gypsum 

NAT8-1-0 0 8.41 N/A 0.0244 0.0497 N/A N/A N/A N/A N/A N/A 

NAT8-1-1 0.17 7.40 N/A 18.31 22.75 N/A N/A N/A N/A N/A -0.16 

NAT8-1-2 0.33 7.15 N/A 14.48 22.15 N/A N/A N/A N/A N/A -0.24 

NAT8-1-3 0.58 7.15 N/A 12.66 19.07 N/A N/A N/A N/A N/A -0.35 

NAT8-1-4 1.08 7.07 N/A 14.71 25.56 N/A N/A N/A N/A N/A -0.18 

NAT8-1-5 2.08 7.10 N/A 13.70 27.08 N/A N/A N/A N/A N/A -0.18 

NAT8-1-6 4.08 7.12 N/A 14.10 30.74 N/A N/A N/A N/A N/A -0.12 

NAT8-1-7 22.6 6.93 N/A 13.32 31.78 N/A N/A N/A N/A N/A -0.13 

NAT8-1-8 46.6 6.76 N/A 13.72 36.77 N/A N/A N/A N/A N/A -0.06 

NAT8-1-9 70.6 6.77 N/A 12.70 40.28 N/A N/A N/A N/A N/A -0.06 

NAT8-1-10 94.6 6.81 N/A 13.47 43.06 N/A N/A N/A N/A N/A -0.01 

NAT8-1-11 166.6 6.79 N/A 12.59 37.25 N/A N/A N/A N/A N/A -0.09 

NAT8-2-0 0.0 8.41 N/A 0.037 0.108 N/A N/A N/A N/A N/A N/A 

NAT8-2-1 0.1 7.11 N/A 19.15 22.79 N/A N/A N/A N/A N/A -0.14 

NAT8-2-2 0.2 6.88 N/A 17.54 23.14 N/A N/A N/A N/A N/A -0.16 

NAT8-2-3 0.3 6.85 N/A 15.80 23.76 N/A N/A N/A N/A N/A -0.18 

NAT8-2-4 0.7 6.88 N/A 15.68 25.63 N/A N/A N/A N/A N/A -0.16 

NAT8-2-5 1.7 6.99 N/A 14.05 28.32 N/A N/A N/A N/A N/A -0.16 

NAT8-2-6 22.3 6.89 N/A 12.93 37.89 N/A N/A N/A N/A N/A -0.08 

NAT8-2-7 46.3 6.89 N/A 13.15 37.01 N/A N/A N/A N/A N/A -0.08 

NAT8-2-8 142.3 6.90 N/A 12.79 37.07 N/A N/A N/A N/A N/A -0.09 

NAT8-2-9 166.3 6.95 0.044 12.03 40.97 51.64 0.98 0.84 0.41 -1.11 0.02 



 

 

S8-1 1.1 7.17 0.067 15.59 20.40 74.36 1.62 1.47 1.00 -0.52 -0.09 

S8-2 2.0 6.87 0.067 16.92 23.72 82.27 1.34 1.19 0.72 -0.80 -0.02 

S8-3 24.3 6.74 0.056 14.41 37.67 73.40 1.00 0.86 0.39 -1.13 0.05 

S8-4 71.9 6.53 0.052 13.70 40.40 77.92 0.73 0.59 0.12 -1.40 0.05 

S8-5 119.9 6.70 0.050 13.92 41.14 67.13 0.90 0.75 0.28 -1.24 0.07 

S8-6 168.1 6.72 0.048 13.89 42.72 62.96 0.88 0.74 0.27 -1.25 0.08 

S8-7 336.0 6.76 0.031 13.65 39.24 40.40 0.78 0.63 0.16 -1.36 0.08 

 

 

  



 

 

Table 4. Summary of the results of gypsum dissolution experiments performed in 0.1 mol/kgw NaHCO3 + 0.2 mol/kgw NaOH solution at 

25 ºC. 

Sample_No. 
duration 

(h) 
pH 

Alkalinity 

(Eq/kgw) 

Ca 

mmol/kgw 

S 

mmol/kgw 

DIC 

mmol/kgw 

SI 

Calcite 

SI 

Aragonite 

SI 

Vaterite 

SI 

ACC 

SI 

Gypsum 

NAT13 0 12.86 N/A 0.013 0.000 N/A N/A N/A N/A N/A N/A 

NAT13-1 0.1 12.88 N/A 0.027 10.49 N/A N/A N/A N/A N/A -4.47 

NAT13-2 0.3 12.88 N/A 0.020 14.31 N/A N/A N/A N/A N/A -4.45 

NAT13-3 0.5 12.88 N/A 0.038 20.28 N/A N/A N/A N/A N/A -3.99 

NAT13-4 0.9 12.86 N/A 0.035 29.69 N/A N/A N/A N/A N/A -3.82 

NAT13-5 1.9 12.85 N/A 0.155 44.85 N/A N/A N/A N/A N/A -2.92 

NAT13-6 3.4 12.89 N/A 0.107 53.29 N/A N/A N/A N/A N/A -3.02 

NAT13-7 21.4 13.10 N/A 0.454 96.28 N/A N/A N/A N/A N/A -1.68 

NAT13-8 45.4 12.91 N/A 5.00 124.8 N/A N/A N/A N/A N/A -0.47 

NAT13-9 69.4 12.64 N/A 6.85 123.9 N/A N/A N/A N/A N/A -0.24 

NAT13-10 165.4 12.86 N/A 7.50 120.2 N/A N/A N/A N/A N/A -0.29 

NAT13-11 189.4 12.97 0.158 8.48 121.5 1.38 2.17 2.03 1.60 0.08 0.74 



 

 

 

Table 5. Summary of measured total inorganic carbon (TIC, wt. %) results and 

CaCO3 (wt. %) in solid phase after experiment. 

Solid No. 

Reaction 

duration 

(h) 

Measured 

TIC 

(wt. %) 

Measured 

CaCO3
1 

(wt. %) 

Sequestration 

efficiency 

(g CO2/g rock)" 

Calculated 

CaCO3
2 

(wt. %) 

Calculated CaCO3 predicted 

on model 

(wt. %) 

NAT11 286.8 9.781 65.1 0.322 76.2 77.5 

NAT8-2 166.3 1.369 11.4 0.051 15.3 12.3 

NAT13 189.4 8.936 74.5 0.323 83.5 82.6 

1. The measured CaCO3 (wt.%) was calculated by the from the measured TIC using: 

CaCO
3
(wt. %) =

Measured Carbon (wt. % )

MCarbon
×MCaCO3

, where M carbon = 12.0107 g/mol; M CaCO3 = 100.09 g/mol. 

2. Calculated based on Eqn. (8) and Eqn. (9). 


