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Experimental Investigation of CO2-Brine-Calcite Interactions under 

Reservoir Conditions  

Luc Steel, Eric MacKay and M. Mercedes Maroto-Valer, Research Centre for Carbon 

Solutions (RCCS), Heriot-Watt University, UK 

Abstract 

Deep geological formations such as saline aquifers and depleted oil and gas fields are 

potential sites for CO2 geological storage. The local host rock in these formations can have 

significant quantities of calcite present, such as in limestone or where carbonate formations 

have overlying chalk intervals. Therefore, the objective of this work is to understand how 

CO2-saturated brine interacts with calcite under reservoir conditions. Hydrothermal 

experiments were carried out over a 6 month period to assess the potential for calcite to 

buffer brine and promote mineral carbonation over time.  In addition, as the system had yet to 

reach equilibrium at 6 months, geochemical modelling using PHREEQC was performed to 

calculate the equilibrium state. The dissolution and precipitation of minerals were 

investigated to determine the effect that these processes have on the properties of the rock, 

such as porosity. The addition of calcite to the brine resulted in a significant increase in brine 

pH from 2.03 to 5.72. However, once CO2 had been injected there was only a slight initial 

increase in pH, and therefore, the buffering effect of calcite is not sufficient to promote 

mineral carbonation. The formation of anhydrite, celestite and hematite was observed after 3 

months, although dissolution and precipitation were still taking place after 6 months. The 

PHREEQC modelling conducted estimated an overall decrease in mineral volume of 2.3%, 

leading to an increase in porosity that is dependent on the SO4
2- concentration in the original 

brine.  Therefore, brine composition needs to be considered when injecting CO2 into 

reservoirs containing calcite bearing rock. 
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1. Introduction 

When injecting CO2 into deep geological formations, such as saline aquifers and depleted oil 

and gas fields, it is important to understand how the CO2 will be stored via trapping 

mechanisms. Moreover, the local host rock in these geological formations may present 

significant quantities of calcite present, e.g. as limestone or where carbonate formations have 

overlying chalk intervals. However, there is a lack of experimental work that focuses on the 

interactions between CO2-saturated brine and calcite bearing host rock over extended periods 

of time.  

There are two different mechanisms by which CO2 can be trapped following storage: physical 

trapping and geochemical trapping [1]. The former is split into three separate mechanisms; 

static (structural and stratigraphic), hydrodynamic and residual gas trapping, whereas the 

latter consists of mineral and solubility trapping. Upon injection, CO2 is generally trapped 

first by physical trapping mechanisms, as geochemical trapping occurs over a longer time 

period [2]. Geochemical trapping is preferred as it does not depend on the integrity of the cap 

rock, unlike physical trapping, and so is a more secure method of storage.  

Due to the formation of solid immobile carbonates, mineral trapping is the safest and most 

permanent means of CO2 geological storage, and follows on from solubility trapping since it 

depends on CO2 dissolution in brine. Mineral trapping in these deep formations usually takes 

place at temperatures between ~ 40 - 200°C and pressures ranging from 70 - 280 bars [3]. 

Previous studies have shown that higher pressure and temperature conditions result in an 

increase in the formation of mineral carbonates, with temperature having a greater effect than 
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pressure [4]. The contribution of pressure and temperature are, however, minor in comparison 

with the effect that brine pH has on mineral trapping. 

The optimal pH level for the formation of mineral carbonates is over 9.0 due to the high 

concentration of carbonate (CO3
2-) ions present [5]. Brine pH in deep formations usually 

ranges from 2-7 and at pH <7, formation of mineral carbonates is unlikely due to too few or 

no carbonate ions being present [6]. The brine pH, however, after initially reducing on the 

injection of CO2, does subsequently increase due to geochemical reactions between the host 

rock and the injected CO2
 [7]. When CO2 dissolves in brine, it forms a weak acid. This acid 

will then react with calcite from the host rock, resulting in an overall loss of calcite and the 

formation of bicarbonate (HCO3
-), which is alkaline [7]. This will then cause the pH of the 

brine to increase. Therefore, as more CO2 is injected and dissolved in the brine, the brine pH 

will further increase due to the increased concentration of HCO3
- ions. Consequently, calcite 

should act as a buffer and may promote mineral carbonation [8]. Buffering of acid brine in 

chalk formations due to calcite dissolution and any resulting changes in porosity will be of 

interest in carbonate formations where there are chalk intervals overlying many of the 

potential aquifer stores. 

In addition, the dissolution and precipitation of minerals may affect the properties of the rock, 

such as the porosity. Changes in porosity will have a direct effect on CO2 storage security. 

For example, if the porosity decreases then this will result in increased CO2 storage security 

as the extent of the CO2 migration will be reduced by the reduced flow capacity [9]. In 

contrast, a reduction in porosity will require greater injection pressure to displace CO2 into 

the formation. 

Therefore, the aim of this study is to understand how CO2-saturated brine interacts with 

calcite under reservoir conditions. Hydrothermal experiments were conducted over a 6 month 
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period to assess the potential for calcite to buffer CO2-saturated brine and promote mineral 

carbonation. In addition, as the system had yet to reach equilibrium at 6 months, geochemical 

modelling using PHREEQC was performed to calculate the equilibrium state. The effect of 

dissolution of calcite and precipitation of other minerals on the porosity of the host rock is 

also investigated.   

    

2. Materials and Methods 

2.1 Brine Preparation 

The brine composition used for these experiments was that obtained from a North Sea oil 

field where seawater injection had taken place and information on the brine composition had 

been recorded over a 12 year period. The objective was not to consider CO2 Enhanced Oil 

Recovery, but injection of CO2 into an aquifer which may have been swept (or partially 

swept) by seawater during oilfield operations, and for which the brine composition was well 

characterised.  It is assumed that oilfield operations would have ceased, that the system would 

thus be closed, and that enough time had elapsed for it to be fully equilibrated before CO2 

injection commenced.  The ion concentrations of the brine were achieved by dissolving the 

following seven salts, namely NaCl, KCl, MgCl2·6H2O, CaCl2·2H2O, SrCl2·6H2O, 

FeCl2·6H2O and NaHSO4 in Milipore water. The salts were weighed and dissolved in a 2 litre 

beaker using Milipore water to make a 1 litre solution. The sequence in which the salts are 

added is an important part of the brine preparation. Adding the salts in the wrong order can 

lead to the formation of precipitates, and can make the desired brine composition impossible 

to achieve. Each salt was added and dissolved before the addition of the next salt. A clear, 

colourless solution was obtained, with no precipitates forming, by adding the salts in the 

following order; NaHSO4, NaCl, KCl, CaCl2·2H2O, MgCl2·6H2O, FeCl3·6H2O and finally 
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SrCl2·6H2O. The NaHSO4 was added and dissolved in the distilled water first, since in 

previous attempts the SO4
2- ions reacted with the metal cations already dissolved in the water. 

Once the SO4
2- ions were dissolved, the monovalent salts were added in order of quantity, 

followed by the divalent salts. SrCl2·6H2O was added last, as it was calculated that the 

saturation ratio (SR) was 15.79 for SrSO4, meaning that the formation of SrSO4 was 

thermodynamically favourable, although no precipitate formed [10]. 

2.2 Characterisation of Brine  

Once a clear solution was obtained the pH of the brine was measured using a Thermo 

Scientific Orion 3-star benchtop pH meter, with an analytical error of ±0.02. Two samples of 

the brine were then taken for Inductively Couple Plasma – Optical Emission Spectrometry 

(ICP-OES) analysis to measure the major ion concentrations. Each sample was diluted with 

Milipore water by a factor of 10 and 2% nitric acid was added so as to prevent any reactions 

between the ions. ICP-OES is a very effective analytical tool for determining trace metal 

elements at concentrations of 0.0002-1000ppm [11]. It can also be used to detect several non-

metallic elements such as sulphur and phosphorus. 

The ICP-OES used is a Perkin Elmer Optima 5300 DV ICP-OES and was selected as it can 

detect and measure the concentrations of SO4
2- and has a relatively high total dissolved solids 

tolerance of 5-10% [12]. The concentration range for this particular instrument is 0.01-

1000ppm and that is why the brine samples had to be diluted by a factor of 10. 

2.3 Calcite Preparation 

For these experiments, 1kg of 100% calcite chips were purchased from the Geological 

Superstore. These chips were then ground up using a pestle and mortar so that a powder was 

obtained. Particle size has a direct and significant effect on reaction rates [13]. Reducing 
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particle size results in increased surface area and hence quicker reaction rates. For example, 

when Rahmani et al. (2014) prepared calcite from red gypsum for mineral carbonation they 

noted that decreasing the particle size from >200µm to <75µm, increased the amount of Ca 

converted to calcite from 37.0% to 98.8% [14]. Consequently, if the intention is to maximise 

reaction rates then the particle size should be as small as possible. However, it is also 

important that the prepared particles are within a specific size range to enable a direct 

comparison between different experiments. This is where the importance of defining and 

analysing particle size distribution is evident.  

The desired particle size for these experiments was chosen to be in the range 45-75µm. The 

45µm and 75µm sieves were the smallest available in the laboratory, and since previous work 

has shown that reaction rates can be maximised at particle sizes <75µm, it was considered an 

appropriate choice [14].  

2.4 Characterisation of Calcite   

Once the 45-75µm calcite had been prepared, 1g of sample was taken for particle size 

distribution analysis. For the particle size distribution analysis, a laser diffraction particle size 

analyser (Mastersizer 3000) was used. The laser diffraction technique can be used to measure 

both dry and wet samples, ranging from 10nm up to 5mm [15].  Along with particle size 

distribution, another extremely important factor that affects reaction rates is the powder’s 

specific surface area [16]. Specific surface area can be calculated using the Brunauer, Emmett 

and Teller (BET) method. The equipment used to perform the BET analysis was a 

Micromeritics’ Gemini VII 2390 Series Surface Area Analyzer. Before sampling can take 

place the sample must undergo degassing so as to remove any vapours or gases that may have 

been adsorbed onto the surface. Approximately 0.4g of powder is added to a sampling tube 

and the overall weight is measured. The sample is placed in a heater at a temperature of 
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200°C and nitrogen gas is pumped through it for a period of 24 hours. After this point the 

sample is weighed again (noting any weight loss) and can now be used for analysis. 

X-ray Diffraction (XRD) was used to identify the mineral phases present in the sample and to 

confirm that the calcite chips were 100% pure, as stated upon purchase. The analysis was 

performed over a 2θ range of 5º to 85º and the equipment used was a Bruker Nonius X8-

Apex2 CCD. The data obtained was then compared with that from the International Centre of 

Diffraction Data (ICDD) so as to identify what crystalline mineral phases were present. For 

the XRD analysis, 1g of sample was provided and the particle size was already within the 

required size of <75µm.    

Scanning Electron Microscopy/Energy Dispersive X-Ray Spectroscopy (SEM/EDS) was 

performed to construct an image of the sample surface as well as for chemical 

characterisation and elemental analysis. The equipment used was a Quanta FEG 650 Suite 

which is equipped with an Oxford Instruments X-max 150 EDX detector, designed for the 

examination of microstructural and ultrastructural details of samples in their uncoated natural 

state. The EDS software’s used were Aztec and INCA [17]. SEM/EDS requires very little 

powdered sample for analysis (<1mg) and can even image and perform elemental analysis on 

minerals still contained within the filter paper. In this case, the 1g sample that was prepared 

for XRD was subsequently used for the SEM/EDS analysis.    

2.5 Mineral Trapping Studies 

Three experiments were conducted over periods of 1 month, 3 months and 6 months to assess 

the change in buffering effect of calcite over time. For each experiment, calcite powder was 

added to brine and then CO2 was injected into the system under reservoir conditions.  6 grams 

of calcite were added to 60 ml of brine for a 1:10 rock/brine ratio based on previous studies 
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[7, 18].The pressure and temperature were set to 246 bar and 112ºC, respectively, which are 

the reservoir conditions corresponding to the North Sea oil field brine used.  

The experiments took place in custom built 316L stainless steel pressure vessels with 

working pressures of 300 bar and maximum available volumes of 80ml. To prevent corrosion 

of the stainless steel, highly chemical resistant polytetrafluoroethene (PTFE) liners were 

made and inserted into the body of the vessels. The vessels were connected to a Teledyne 

ISCO Model 260D syringe pump via a manifold which allowed for the vessels to be injected 

with CO2 simultaneously. Experimental temperatures were obtained through use of HOTSET 

UK 350W heating jackets that were attached to each vessel and connected to OMEGA 

CN740 temperature controllers. Once an experiment had run for the allotted time, it was 

isolated from the manifold, cooled and then depressurised slowly to atmospheric pressure. 

The experimental error (±1%) in these experiments can arise mainly from the dilution process 

for ICP analysis, where either a lower quantity of stock solution or excess water was added 

[18]. 

2.6 Characterisation of Solid Residue and Liquid Samples 

Once the experiments were complete, the pH of the resulting solution was measured .  All pH 

measurements were performed under ambient conditions and not reservoir conditions. It is 

known that the pH will change under reservoir conditions, as pH decreases with increasing 

pressure and increases with temperature [19]. However, to measure pH under reservoir 

conditions requires custom built apparatus that can accommodate pH electrodes that can 

operate at high pressures and temperatures, which were not available for this work. 

Therefore, all pH measurements had to be made under ambient conditions. However, as 

described by Peng et al. [19], under similar experimental conditions to the experiments 
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performed in this work (94.95°C compared with 112°C), the pH dropped from 3.97 at 60 bar 

to 3.23 at 154.1 bar and the pressure begins to plateau after 100 bar [19]. 

The solution was vacuum filtered using 0.45µm glass microfiber Whatman filter paper to 

separate the solid residue from the aqueous solution. The filtered solution was then prepared 

for ICP-OES analysis, as described in section 2.3 and the filter paper containing the solid 

residue was placed in an oven for 8 hours at 105ºC to dry. The dried solids were then ground 

into a powder using a pestle and mortar and sent for XRD and SEM/EDS analysis.  

2.7 Geochemical Modelling of CO2-Brine-Calcite Systems  

As previously stated, the experiments were performed over periods of 1, 3 and 6 months. 

However, in reality the geochemical reactions take place over a geological time scale [20]. 

Therefore, to get an indication as to how close the experiments were to reaching equilibrium, 

equilibrium geochemical modelling was performed. In this work, PHREEQC version 3 was 

used; it is a general geochemical software program that can be applied to most hydrochemical 

environments [21]. Previous work by Liu (2012) concluded that, in some cases, PHREEQC 

cannot be used to accurately predict experimental results [18]. This is because complex ion 

exchange models are not considered, it does not take into account uncertainties in 

thermodynamic constants and it makes simplified assumptions related to steady-state flow 

[22]. It can, however, be used to demonstrate general trends and hence is suitable for use in 

this work. PHREEQC version 3 is available as freeware and can be downloaded from the 

United States Geological Survey website [23]. PHREEQC requires a database to be selected 

for the calculations, this database being composed of thermodynamic data that have been 

obtained from published literature. For high-ionic strength systems such as brines, the 

pitzer.dat database is usually used as the Pitzer equations provide more accurate 

measurements than the Debye-Hückel and Davies equations [24]. However, pitzer.dat has 
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limited mineral data.  Therefore, for the purposes of this work the Lawrence Livermore 

National Laboratory database (llnl.dat) was chosen as it contains the most complete set of 

mineral species, as well as expressions used to calculate equilibrium conditions at 

temperatures ranging from 0-300°C [5].  

For a CO2-brine-calcilte system the rate law for calcite must be provided in the input file. The 

dissolution and precipitation of calcite is dependent on pH and there are three reversible 

reactions that can take place that depend on pH [18]. Equations 1-3 show these reactions and 

are presented below.  

𝐶𝑎𝐶𝑂3 + 𝐻+ ↔ 𝐶𝑎2+ + 𝐻𝐶𝑂3
−                                                                                              (1) 

𝐶𝑎𝐶𝑂3 + 𝐻2𝐶𝑂3
∗ ↔ 𝐶𝑎2+ + 2𝐻𝐶𝑂3

−                                                                                      (2) 

𝐶𝑎𝐶𝑂3 + 𝐻2𝑂 ↔ 𝐶𝑎2+ + 𝐻𝐶𝑂3
− + 𝑂𝐻−                                                                                (3) 

The first reaction (1) occurs at pH<3.5, the second (2) at 3.5<pH<5.5 and the final reaction 

(3) occurs at pH>5.5 [18]. In equation 2, H2CO3
* represents the sum of the concentrations of 

dissolved CO2 (aq) and carbonic acid, H2CO3. The rate law for calcite can be expressed as: 

𝑅𝑐𝑎𝑙𝑐𝑖𝑡𝑒 ≈  𝑟𝑓 (1 − (𝑆𝑅𝑐𝑎𝑙𝑐𝑖𝑡𝑒)
2
3) × 𝐴0

𝑉
× ( 𝑚

𝑚0
)

2
3
                                                                        

(4) 

Where SR is the saturation ratio for calcite which is defined in the PHREEQC database, A0 is 

the surface area which is taken from the BET analysis of the calcite powder (m2), V is the 

volume of the brine (m3), m is the moles of calcite at a given time and m0 is the initial moles 

of calcite. Finally, rf is the sum of the three individual rates for the reactions shown in 

equations 1-3.     

 𝑟𝑓 = 𝑘1[𝐻+] + 𝑘2[𝐻2𝐶𝑂3
∗] + 𝑘3[𝐻2𝑂]                                                                                  (5) 
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Where [H+], [H2CO3
*] and [H2O] are the corresponding activities and k1, k2 and k3 are 

temperature dependent (TK) coefficients that have been previously determined by Plummer et 

al.(1978) and are defined below [25]. 

𝑘1 = 10
(0.198−444

𝑇𝐾
)
                                                                                                                     (6) 

𝑘2 = 10
(2.84−2177

𝑇𝐾
)
                                                                                                                     (7) 

𝑘3 = 10
(−1.1−1737

𝑇𝐾
)
                                                                                                                    (8) 

The rate law for calcite was included in the input file along with the specific surface area 

measured from the BET analysis, the volume of brine (0.06m3) and the number of moles of 

calcite (0.06 mol).     

3. Results and Discussion  

3.1 Characterisation of Brine 

One litre of brine was synthesised using the method described in section 2.1 and 60ml of this 

brine was added to each of the three pressure vessels. Two samples of the brine were taken 

for ICP-OES analysis and the average of the two results was calculated. Table 1 shows both 

the target and actual concentrations of each ion present in the brine. The concentrations of 

Ca2+ and SO4
2- are slightly lower than expected. This could be an error associated with the 

brine preparation or due to masking during the ICP-OES whereby the high relative salinity of 

the Na+ can result in the measured concentrations of other ions appearing lower than they 

actually are. Alternatively, the saturation ratio for CaSO4 in this case was 2.95 so it is 

possible that some of the Ca2+ reacted with the SO4
2- hence forming very small amounts of 

precipitate that were not visible when preparing the solution. Regardless, for this work what 
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is important is the comparison of the brine composition before and after the experiments, thus 

achieving the exact target composition is not imperative.   

 

Table 1: ICP-OES Results for Brine Composition 

 Na+ 

(ppm) 

K+ 

(ppm) 

Mg2+ 

(ppm) 

Ca2+ 

(ppm) 

Sr2+ 

(ppm) 

Fe3+ 

(ppm) 

SO4
2- 

(ppm) 

Target 8963 227 69 639 59 12 775 

Actual 8808 283 63 568 64 10 696 

Standard deviation 112.01 2.45 0.82 7.30 1.19 0.06 1.89 

 

3.2 Characterisation of Calcite 

As previously stated, the calcite was ground into a powder and the target particle size was in 

the range 45-75µm. Figure 1 shows the particle size distribution measured using the 

Mastersizer 3000 and that the majority of the particles sit within the target range, with the 

mean particle size (D[4,3]) recorded as 60.3µm. The D10, D50 and D90, which describe 

where 10%, 50% and 90% of the distribution lie below, were recorded as 10.5µm, 59.3µm 

and 103µm, respectively. A sample of the calcite powder was also used for BET analysis and 

the measured specific surface area was 1.38 m2/g. The XRD analysis shows that the calcite 

chips purchased were indeed 100% calcite as can be seen from Figure 2, and the SEM/EDS 

analysis confirms this (Figure 3).  
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Figure 1: Particle size distribution of calcite powder 

 

 

Figure 2: XRD of calcite powder 
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Figure 3: SEM image of calcite powder showing only calcite 

 

 

3.3 Buffering effect of Calcite over Time  

One of the objectives of this work was to assess the buffering effect of calcite on the brine 

pH. The starting pH of the brine was measured to be 2.03. Note that all pH measurements 

were made under ambient conditions. As previously stated, CO2 dissolves in brine to form a 

weak acid which will in turn react with the calcite to produce HCO3
-, which is alkaline [7]. 

This will result in an increase in brine pH. When the calcite was first added to the brine 

before the injection of CO2 the pH of the brine increased to 5.72 due to the alkaline nature of 

the calcite.  After the first month, the brine pH further increased to 5.77 due to the production 

of HCO3
-.  

This can be compared with a study by Matter et al. (2007) which involved the injection of 

CO2 saturated water, with an initial pH of 3.5, into sedimentary rock. The experiment was run 

under ambient conditions. The results of this study showed that within hours of injection, the 

brine pH was neutralised due to CO2-rock-brine interactions, where the rock contained 10.43 
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wt% CaO [26]. Liu (2012) also conducted pH stability studies for a CO2-rock-brine system 

whereby CO2 was injected into brine with an initial pH of 2.6 and buffered by Oriskany rock 

containing 20.07 wt% CaO [18]. The experiment was run under ambient conditions and the 

pH stabilised at around 6.3.   

However, this increase in brine pH is not enough to promote mineral trapping which requires 

CO3
2- to be the dominant carbonic species. In addition, when the aqueous CO2 reacts with 

water it forms carbonic species based on pH. At pH of <6 carbonic acid (H2CO3) dominates 

[27]. If the pH had increased to above 6 then it is likely that any further CO2 dissolving in the 

brine would form HCO3
- ions instead, which would result in the pH remaining near neutral. 

However, with H2CO3 being the dominant species the pH continues to drop after the first 

month as the CO2 continues to dissolve in the brine. According to the PHREEQC modelling 

the pH will stabilise at 4.43 when it reaches equilibrium. As previously stated, PHREEQC is 

used more to show trends than provide precise absolute results, but as can be seen from 

Figure 4, the experimental pH measurements are gradually decreasing in value toward the 

equilibrium pH predicted by the modelling.  Equilibrium modelling is appropriate because 

although the kinetic rate parameters are not well known, the equilibrium constants are 

generally very well established, and so it is possible to use calculations to identify how far 

from equilibrium the observed system is after a given period of time. 
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Figure 4: Measured brine pH after each experiment and modelled equilibrium value 

3.4 Characterisation of Solid Residue and Liquid Samples 

3.4.1 Dissolution of Calcite  

Equation (2) shows how the reaction between the calcite and the H2CO3*, which is the sum 

of the concentrations of dissolved CO2(aq) and H2CO3, result in the production of HCO3
- and 

Ca2+. Therefore, over time more Ca2+ will be produced and the concentration of Ca2+ in the 

brine will increase. This can be seen from Figure 5. At equilibrium, the calcite will reach the 

saturation point, where it can no longer dissolve in the CO2-saturated brine. After 6 months, 

the concentration of Ca2+ ions in the brine is approaching equilibrium. This trend has been 

recorded in previous work by Egermann et al. (2005), where the Ca2+ concentration 

continued to increase throughout the duration of CO2 injection from 400ppm to 1100ppm 

[28].     

4.0

4.5

5.0

5.5

6.0

0 1 2 3 4 5 6 7

B
ri

n
e

 p
H

Months

PHREEQC calculated equilibrium value



17 
 

 

Figure 5: ICP-OES results showing Ca2+ concentrations in brine 

3.4.2 Formation of Precipitates 

After the first month, apart from the increase in Ca2+ ion concentration in the brine due to the 

dissolution of calcite, there was no change in the composition of the solid residue from the 

original calcite sample. Both the XRD and SEM image showed that only calcite was present 

(Figures 6 and 7).  
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Figure 6: XRD of calcite after 1 month 

 

Figure 7: SEM image of calcite after 1 month 

Once the calcite has been exposed to CO2-saturated brine for 3 months a very small amount 

of other precipitates begin to form. These precipitates are too low in quantity to show up in 

the XRD (Figure 8) which once again shows mainly calcite with some very low magnesium 

calcite (Mg0.03Ca0.97)(CO3). It is important to note that this is not dolomite. The EDS map 
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did show the presence of very small amounts of Mg attached to the calcite but it is such a low 

quantity that it did not show up on the EDS spectrum.  

The SEM image shows the presence of some anhydrite, hematite and a Sr mineral phase 

which is difficult to identify, but is most likely celestite or strontianite. These minerals can be 

seen in Figure 9. According to the ICP results, there was a 37% reduction in SO4
2- in solution, 

64% reduction in Sr2+ and 98% reduction in Fe3+ with respect to the initial brine composition. 

Egermann et al. (2005) concluded that if SO4
2- is present in the brine then anhydrite will 

precipitate, which can significantly affect the permeability of the rock by clogging the pore 

throats [28]. Mohamed et al. (2013) confirmed that gypsum (CaSO4.2H2O) can also form, but 

it is only stable at temperatures lower than 40ºC; otherwise, anhydrite is the stable form [29].  

The EDS spectrum confirmed the presence of Sr and Fe but it did not show S.   

 

Figure 8: XRD of calcite after 3 months 
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Figure 9: SEM image of calcite after 3 months 

 

Finally, after 6 months the XRD (Figure 10) shows no additional changes, identifying only 

calcite and low magnesium calcite. The SEM/EDS, however, shows a larger presence of 

other precipitates than after 3 months. There is also NaCl present and a small amount of Mn 

which could have come from the 316L Stainless Steel vessels. At this stage, there is still no 

dolomite present, but there is much more anhydrite and celestite, which can be seen in the 

SEM image (Figure 11). However, this SEM image was taken over a larger area when 

compared with the 3 month SEM image, which was unintentional and a consequence of 

performing the analysis 3 months later. This may have resulted in an unrepresentative 

quantity of precipitates being detected as according to the ICP results the concentration of 

ions in solution actually increased from 3 months to 6 months. Compared with the original 

brine composition, there was a 26% reduction in SO4
2- in solution, 39% reduction in Sr2+ and 

82% reduction in Fe3+. The brine pH dropped from 5.68 to 5.55, and therefore, it is possible 

Anhydrite 

Sr Rich 

Hematite 



21 
 

that some of the precipitates that had formed after 3 months were then dissolved, which lead 

to an increase in SO4
2-, Sr2+ and Fe3+ concentrations in the brine.  

This trend was also predicted by PHREEQC where the concentration of SO4
2- at equilibrium 

was only 18% lower than the original concentration and there was no noticeable change in 

Sr2+ and only the slightest reduction in Fe3+ concentration (0.1%). Therefore, it is likely that 

as the pH continues to drop (until equilibrium at 4.43) many of the minerals that originally 

precipitated at higher pH will dissolve. As previously stated, PHREEQC cannot be used to 

accurately predict experimental results but can show general trends [18]. Therefore, the 

results from PHREEQC may not be entirely accurate, but they have shown that the 

experimental work is following the expected trend, with respect to both brine pH and ion 

concentrations. In regards to the dissolution of calcite and the formation of other precipitates, 

PHREEQC predicts that at equilibrium there will be 5.84g of calcite remaining with 0.012g 

of anhydrite and 0.013g of dolomite formed. The formation of the anhydrite will consume 

18% of the SO4
2- ions in the brine and the formation of dolomite will reduce the 

concentration of Mg2+ by 44%. 
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Figure 10: XRD of calcite after 6 months 

 

Figure 11: SEM image of calcite after 6 months 

The dissolution and precipitation of different minerals can result in changes to porosity as the 

mineral volume increases or decreases. For instance, as the calcite dissolves and anhydrite 

and dolomite precipitate then the total volume of the residue will change. If the total volume 

increases, then the porosity will decrease. Consequently, this may have positive impacts in 
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regards to CO2 storage security, as the reduced flow capacity will in turn reduce the extent of 

the CO2 migration [9]. Conversely, reduced porosity will mean that greater injection pressure 

will be needed to displace CO2 into the formation, should the mineral changes be significant 

during the injection phase of the storage project.  

Rosenbauer et al. (2005) studied the effect that calcite dissolution in limestone, along with 

anhydrite precipitation, would have on the porosity of the rock. They concluded that changes 

in porosity were highly dependent on the concentration of SO4
2- in the original brine [7]. In 

the case of low SO4
2- brine (454 ppm SO4

2-), 10% of the original calcite in the limestone 

dissolved and the porosity increased by 2.6%. However, when they used a high SO4
2- brine 

(5100 ppm SO4
2-), the porosity decreased by 4.5%. The SO4

2- concentration in the brine used 

for this work would therefore be considered low (696 ppm SO4
2-).  

Rosenbauer et al. (2005) used a limestone core for their experiments and hence they could 

use core flooding equipment to measure the porosity both before and after the experiments. In 

this case, a powder was used, and thus the porosity was measured approximately by 

calculating any changes in mineral volume. The mineral volume can be calculated by 

dividing the molecular weight by density. This value can then in turn be multiplied by the 

number of moles to obtain the total volume. 

In this case the overall change in volume from the original calcite sample will be a decrease 

of 2.3%, and consequently, will result in an increase in porosity. However, it can be said that 

the effect that long term exposure of CO2-saturated brine has on porosity of calcite bearing 

rock is dependent on the original SO4
2- concentrations. Since this brine had a relatively low 

concentration of SO4
2-, there was less anhydrite precipitation and consequently the decrease 

in mineral volume was mainly associated with the dissolution of calcite. However, had the 

SO4
2- concentration been high, for example 5100ppm like Rosenbauer et al. (2005), then 
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more anhydrite would have precipitated and the total mineral volume would likely have 

increased. This would have lead to an increase in mineral volume and hence a decrease in 

porosity as observed by Rosenbauer et al. (2005) [7]. In addition, according to Egermann et 

al. (2005) the precipitation of anhydrite will also have a significant effect on permeability 

[28]. Formations that have been subjected to seawater injection as part of secondary oil 

recovery are likely to have high concentrations of SO4
2- present in the brine, approaching 

3,000 ppm [30, 31]. Consequently, when choosing a site for injection it is important to take 

into consideration the brine composition as well as the composition of the host rock.   

3.4.3 Change in Surface Area  

The specific surface area of the calcite affects the reaction rates. It is therefore important to 

observe any changes in surface area. Figure 12 shows that after the first month the surface 

area of the calcite more than doubles, after which point there is very little change. The 

increase in surface area is likely due to acid etching whereby the acidic H2CO3 has dissolved 

part of the surface of the calcite particles, causing small pits to form. The presence of these 

pits thus increases the surface area of calcite particles. Evidence of acid etching can be seen 

in Figure 13, which shows a 2500 times magnified SEM image of a calcite particle. Although 

the surface area remains relatively constant after the first month, there is a slight reduction 

after 3 months. However, this is likely an error resulting from the BET analysis or because 

some precipitates have formed on the surface of a few of the calcite particles which has 

resulted in a reduction in surface area.        
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Figure 12: BET calculated surface area of calcite 

 

Figure 13: SEM image showing acid etching on calcite particle 
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4. Conclusions  

The aim of this work is to assess calcite ability to act as a buffer and promote mineral 

carbonation. This was achieved by performing hydrothermal experiments, involving calcite 

being exposed to CO2-saturated brine over a 6 month period. As the system is not expected to 

reach equilibrium within this time, PHREEQC modelling was used to calculate the system 

equilibrium. 

The addition of calcite to the brine results in a significant increase in brine pH. However, 

once CO2 has been injected, there is only a slight initial increase in pH, after which point the 

pH begins to drop. Even though the dissolution of calcite leads to the production of HCO3
-, 

the pH does not increase above 6. As a result, H2CO3 is still the dominant carbonic species, 

resulting in a weak acid and forcing the pH to drop. Therefore, it can be concluded that the 

buffering effect of calcite is not sufficient to promote mineral carbonation. Furthermore, the 

acidic nature of the H2CO3 will result in acid etching on the calcite particles, which will lead 

to an increase in surface area and faster reaction rates. However, this increase in surface area 

only appears to occur after the first month, after which time the surface area remains 

relatively constant.  

With regards to dissolution and precipitation, there are noticeable deposits of anhydrite, 

celestite and hematite that are observed in the SEM image after 6 months, but are not great 

enough to appear on the XRD. However, the concentrations of SO4
2-, Sr2+ and Fe3+ in the 

brine actually increase from 3 to 6 months, which suggests that some of the precipitates are 

dissolving due to the continuing drop in brine pH. This shows that even after 6 months the 

system has still not reached equilibrium and many reactions are still taking place.  

The PHREEQC modelling predicts that there will be 5.84g of calcite remaining at 

equilibrium, in addition to 0.012g of anhydrite and 0.013g of dolomite that will have 
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precipitated. Consequently, there will be an overall decrease in mineral volume of 2.3%, 

which will result in an increase in porosity. However, the significance of the change in 

porosity is dependent on the SO4
2- concentration in the original brine. Therefore, the brine 

composition needs to be considered before CO2 injection into reservoirs containing calcite 

bearing rock.  
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