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Abstract 

Carbon storage in geological formations relies on knowledge of the effect of carbonate 

ligand formation for both dissolution and mineralisation to permit realistic reservoir 

modelling and to enhance confidence in storage security both spatially and temporally. 

Reaction rates are intrinsically slow and thus are not amenable to in-situ study, often 

determined from high pressure batch reactions providing largely bulk structural information 

through product analysis. Here we present a methodology to prepare silicate mineral 

analogues by placing reactive cations (Na and Ca) on the surface of amorphous silica, 

greatly enhancing the rate of carbonate formation. Traditional characterisation techniques 

provide thorough structural and morphological information related to the effects of doping. 

In-situ Fourier Transform infrared spectroscopy (FTIR) is used to follow carbonate 

formation upon exposure to CO2. Carbonate speciation is found to be cation dependent 

and sensitive to the presence of water. Speciation shows further dependence on whether 

water is present during CO2 exposure or subsequently. Low pressure CO2 adsorption 

isotherms (T = 35 °C) were measured to quantify carbonate formation, were fitted to an 

empirical adsorption isotherm model and related to cation coverage as determined by 

Energy-dispersive X-ray spectroscopy (EDX). CO2 uptake at low pressure was related to 

carbonate formation on the surface and at higher pressures was shown to depend on 

surface area as modified by cation adsorption. Although envisaged as mineralisation 

analogues, this system provides information on the impact of water on the formations of 

carbonates relevant to wider carbon capture and storage processes at the fundamental 

molecular level. 
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1. Introduction 

 

Carbon capture and storage (CCS) represents a leading technology in the global endeavor 

to reduce the exponentially increasing levels of anthropogenic CO2 present in the 

atmosphere,1-3 now an issue of widespread concern due to the status of CO2 as the 

primary contributor to global warming.4-6 CCS encompasses a number of technological 

processes which span its three central stages: capture, transport and storage. CO2 can be 

captured by: post-combustion separation of CO2 from a mixed flue gas following a 

combustion process; pre-combustion separation of CO2 and H2 following gasification or 

reforming and finally oxyfuel combustion of fossil fuels in pure O2 to produce CO2 and 

H2O.  

Capture processes utilizing different physical or chemical principles have been proposed. 

Leading industrial technologies use powerful physical (Selexol™ and Rectisol®) or 

chemical (monoethanolamine) solvents to deal with the low partial pressures of CO2 

present in a typical flue gas. The regeneration energy requirement of the solvent is the 

main drawback and therefore alternative capture processes have been proposed that have 

lower parasitic energy requirements. Physisorption on high surface area materials 

facilitated by temperature or pressure swing, chemisorption on functionalized surfaces 

(e.g. amine grafted silica)7 and reversible metal oxide carbonation looping cycles (e.g. 

calcium looping)8 have all been proposed as potential second generation capture 

processes. Direct capture of CO2 from air is more challenging and usually negatively 

impacted by water,9 although a recent report has utilized water to affect a swing process in 

direct air capture.10 
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After pressurization and drying to a supercritical fluid, CO2 is transported by pipeline to a 

suitable storage site.11 The storage of CO2 involves injection into one of a number of types 

of geological features, preventing its emission into the atmosphere, typically saline 

aquifers, depleted oil and gas reservoirs or deep coal seams.12 

Both saline aquifers and depleted reservoirs are geological formations of water-permeable 

porous minerals saturated with brine. A common geological storage strategy is the 

injection of supercritical CO2 (scCO2) into such a formation, whereby it can undergo 

various reactive transport processes ultimately leading to storage.11 Stratigraphic or 

structural trapping occurs immediately upon injection of CO2 and is achieved by a sealing 

caprock (an impermeable geological feature). Solubility trapping occurs upon dissolution of 

CO2 into the formation brine13 and as this plume migrates through the aquifer residual 

trapping occurs due to capillary forces of the porous mineralogy.14 Finally, mineralisation 

occurs due to dissolution of mineral cations, initiated by the pH drop associated with CO2 

injection. Subsequent reaction of dissolved CO2 species with the aforementioned cations 

can result in the formation of inorganic carbonates. It is of importance for all of the trapping 

mechanisms to understand wettability changes and carbonate formation. The reaction of 

CO2 with existing minerals to form stable inorganic carbonates offers a physically and 

temporally secure storage mechanism and as such this key fundamental process is the 

focus of the present study. 

Mineralisation at high pressure in geological formations (in situ) is suitable for large scale 

emission scenarios but can also be applied in aqueous solution at source (ex situ) for 

small/medium emitters.15,16 In the naturally occurring process known as ‘weathering’, 

calcium or magnesium from silicate materials react with CO2 dissolved in brine to form 

stable calcium or magnesium carbonates. Efforts to replicate this process during injection 
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of scCO2 would result in products that are both a secure store for anthropogenic CO2 and 

environmentally benign.17 The idea of mimicking such a process as a sequestration 

method to store anthropogenic CO2 – known as “CO2 sequestration by mineral 

carbonation (MC)” – was first proposed by Seifritz in 199018 and over the past two decades 

much effort on the topic has focused on MC becoming an economically viable 

sequestration technology, capable of fixing many megatonnes of the world’s 

anthropogenic CO2.19-23 Indeed injection projects include Sleipner (Norway), In Salah 

(Algeria), Ketzin (Germany), Weyburn (Canada), K12-B (Netherlands) and Snøhvit 

(Norway) where no unacceptable impact on safety or the environment have been 

reported.24 

CO2 sequestration in carbonates can be achieved through a number of process routes 

which fall under two main categories. Direct carbonation (DC) involves carbonation of a 

Ca/Mg rich solid in a single step either by gas-solid carbonation or direct aqueous mineral 

carbonation. Alternatively, indirect carbonation (IC), in which the first step is the extraction 

of the reactive cation from the Mg/Ca oxide, silicate, carbonate or hydroxide from the 

mineral feedstock, then reaction of the leached cations with CO2 to form the carbonate.25 

Intuitively, geological sequestration is an indirect carbonation process, with the 

aforementioned pH changes due to CO2 injection facilitating the extraction of the reactive 

cation through mineral dissolution. 

A fundamental barrier to the monitoring of such a reaction over laboratory timescales is the 

slow reaction kinetics of the mineralisation reaction, primarily due to the time taken for 

dissolution of the silica layers to expose metal oxide sites reactive to CO2, however it is 

known that the formation of carbonate ligands can promote dissolution.26 One way to 

overcome the slow reaction rate inherent to mineral dissolution is the creation of a 
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synthetic analogue – a simple silicate material whereby the reactive sites (alkali cations) 

are artificially placed on the surface rather than within the bulk structure by a method of 

cation-exchange. Alkali-feldspars and plagioclase feldspars are alkali metal containing 

aluminosilicate minerals relevant to CO2 storage27 and as such an effort has been made to 

replicate a representative but artificially reactive surface to enable spectroscopic 

investigation of carbonate formation on these cations. Silica tetrahedra are a common 

substituent structure in subsurface geological storage locations as are alkali and alkaline 

earth cations. Quartz, mica, clays and silicate minerals all contain silica tetrahedra with 

interstitial cations or the possibility for cation-exchange with surface hydroxyl groups. Thus 

our synthetic model provides the opportunity to study carbonate formation on a surface 

with chemical relevance for solids of interest for geological sequestration of CO2, but also 

on a wider range of capture materials where carbonate formation and the influence of 

water is of interest. 

In order to exploit this advantage, in the present study, SiO2 materials modified by Na or 

Ca were prepared by a cation-exchange method with surface hydroxyl groups. The 

investigation describes their subsequent characterisation, with primary aims of assessing 

the effect of the introduction of the surface cation on textural and structural properties of 

the parent material.  Most importantly, the speciation of carbonates formed initially and in 

the presence or absence of water was studied. Quantification of carbonate formation and 

cation-exchange was conducted and related to the surface chemistry of the material in the 

context of carbon storage.  
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2. Experimental 

 

2.1 Sample preparation 

The preparation of the cation-doped SiO2 materials used an ion-exchange procedure, 

based on a method previously reported for the synthesis of K-modified SiO2.32 The 

procedures for the mono and divalent cation-doped materials varied slightly in the use of 

the precursor reagents.  

In the case of monovalent ion-exchange, a carbonate salt is able to produce the high pH 

required to drive ion-exchange with surface hydroxyl groups, along with a reasonable 

concentration of cations in solution available for exchange. However, due to the low 

solubility of the divalent carbonate/hydroxide salts, a saturated solution of the hydroxide 

was employed (to attain high pH), which after filtration was used as the solution in which a 

neutral salt, the respective chloride, was dissolved (to attain reasonable concentration of 

cation). The solubility of the hydroxide was so low at room temperature (r.t.) that it should 

not impact the concentration of the solution measurably. 

Na-SiO2: A 0.5 M solution of Na2CO3 was made up using 10.599 g Na2CO3 (Sigma-Aldrich 

ACS Reagent ≥99.5 %) in 200 mL UP Grade 1 water (18.2 mΩ cm). This solution was 

transferred to a 250 ml beaker containing 10 g of SiO2 and stirred continuously for 2 h with 

the pH recorded every 30 s using an automatic pH-meter until equilibrium was achieved. 

The resulting solution was vacuum filtered, washed twice with filtrate and dried at 70 °C for 

24 h. 

Ca-SiO2: A saturated solution of Ca(OH)2 (Sigma-Aldrich, Puriss P.A. Reag. Ph. Eur) in 

Grade 1 UP water (18.2 mΩ cm) was prepared, stirred at r.t. for 15 minutes and filtered to 

remove the solid. A 0.5 M solution of CaCl2 was made up using 22.193 g CaCl2 (BDH, 



8 

 

fused granular, 3-8 mesh) in 200 mL of Ca(OH)2 saturated solution, and procedure 

followed as above. 

SiO2 reference material (EP10, Crossfield Organics) was used as purchased from the 

company. 

All the samples were characterized both in the as prepared form and after calcination at 

450 °C. 

 

2.2 Specific Surface Area & Porosity 

The specific surface area and porosity of reference SiO2 and both the cation-doped 

samples were determined using a Micromeritics ASAP 2010 with N2 as the adsorbate gas 

and coolant. Prior to N2 sorption, samples were degassed overnight at r.t. to remove any 

physically adsorbed species from the sample surfaces and clean the surface of any 

contaminants. Full adsorption-desorption isotherms were determined volumetrically by a 

discontinuous static method at 77 K. The Brunauer-Emmett-Teller (BET) method was 

applied to these isotherms to determine the specific surface area, and the Barrett-Joyner-

Halenda (BJH) method to the adsorption branch to determine pore volume and size 

distribution. 

 

2.3 X-Ray Diffraction (XRD) 

Powder XRD patterns of the samples were recorded using a Philips Powder/Thin Film 

PW3020 X’Pert diffractometer equipped with a PW3820 goniometer, using Cu-Kα radiation 

(1.5418 Å) and Bragg-Brentano geometry. Samples were ground thoroughly in a mortar 

and transferred to an amorphous glass sample holder for measurement. 
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2.4 FTIR Spectroscopy 

Transmission FTIR spectra of cation-doped samples, as well as the reference SiO2, were 

collected at beam temperature on a Perkin-Elmer System 2000 spectrophotometer 

equipped with a liquid nitrogen-cooled mercury-cadmium-telluride (MCT) cryo-detector, 

working in the range 7200-580 cm-1 at a resolution of 2.0 cm-1 (40 scans). Powdered 

samples were compressed into self-supporting discs (weighing  5-10 mg cm-2) and 

supported in a pure gold frame prior to transfer to a custom-made quartz cell, fitted with 

KBr windows, connected to a conventional high-vacuum line.  

The IR characterisation was performed during outgassing at r.t. and after thermal 

treatment at 400 °C in vacuo (<3.75 x 10-4 Torr) of the as prepared samples. During the 2 

h thermal treatment, the samples were periodically exposed to 22.5 - 30 Torr O2 to ensure 

any contaminants were completely removed, giving a clean surface for the following 

measurements.  

CO2 and/or H2O adsorption/desorption measurements were carried out after the above 

mentioned thermal treatment in order to test the possible reactivity of the samples in 

experimental situations mimicking the chemistry of the mineral carbonation process. 

 

2.5 Adsorption measurements 

A volumetric chemisorption apparatus (Micromeritics ASAP 2020C) was used to measure 

low pressure CO2 isotherms on the as-prepared cation doped samples. Powders (ca. 0.5 

g) were pre-treated at 400 °C in-vacuo (<5.0 x 10-6) for 2 h as in the spectroscopic 

investigation before exposure to dry CO2 at 35 °C. Measurements were conducted in 

triplicate with fresh sample, with the isotherms presented as the average. A Freundlich 

isotherm model was fitted to the measured isotherms through non-linear regression. 
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2.6 Energy-dispersive X-ray spectroscopy (EDX) 

EDX mapping of pelletised as-prepared samples was conducted with an Oxford INCA 

Energy Dispersive X-ray detector to determine sample composition and elemental 

distribution. Cation doping level was determined and presented as an average of multiple 

points with standard deviation.   
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3. Results and discussion 

 

3.1 Textural and structural properties  

Values from specific surface area and porosity analysis of as prepared and calcined 

samples are presented in Table 1. As for the as prepared samples, the high surface area 

of the reference SiO2 was heavily modified by the exchange of the dopant cation, with 

differing results obtained for each. The same pattern is observed in the values of 

cumulative pore volume, with the monovalent cation causing the greatest reduction. Full 

BET isotherms and pore size distribution plots are given in the Supporting Information for 

as prepared (Figure S1) and calcined materials (Figure S2). 

 

Table 1. BET surface area and BJH adsorption cumulative pore volume of  the as 

prepared and calcined samples. 

Sample 
Surface Area  (m2 g-1)  Pore Volume  (cm3 g-1) 

As prepared Calcined As prepared Calcined 

SiO2 257 259 1.72 1.75 

Ca-SiO2 157 125 0.77 0.65 

Na-SiO2 93 79 0.52 0.44 

 

Two hypotheses can be proposed to account for the reduction in surface area and pore 

volume. First of all, it is reasonable to assume that the pore network of SiO2 has been 

partially dissolved due to the high pH synthesis conditions. At high pH when the surface is 

negatively charged due to ionisation, Si-O bonds are polarised and weakened, enhancing 
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dissolution and consequently destroying the porous network.28 It has also been observed 

that the presence of cations enhances the rate of silica dissolution.29-31 

It is also reasonable that, across the surface, and hence also within the pores, there is a 

build-up of a secondary cation-containing phase in layers, such as oxide or hydroxide-

based, as evidenced by FTIR results (see later). However it is unlikely to 100% pore fill. In 

terms of impact on carbon sequestration, it can be concluded that surface hydroxyl ion 

exchange with alkaline brine cations will lower both surface area and porosity, thus 

affecting reservoir permeability and subsequent injectivity. Any change to pore volume will 

have an impact on capillary pressure and thus plume migration and residual saturation of 

scCO2. 

Following calcination, the surface area, pore volume and average pore diameter of the 

SiO2 sample remain unchanged, although a 15-20% reduction in surface area and pore 

volume is found for the doped samples. This reduction can be due to initial stages of silica 

crystallisation, enhanced by the presence of the cation, which has been evidenced in a 

previous investigation of SiO2 modified by K2CO3,32 and is further confirmed, at least in the 

case of the Na-doped sample, by X-ray diffraction measurements (vide infra). During a 

crystallisation procedure, the particle size increases and pores begin to reduce in size and 

collapse, factors which reduce both surface area and pore volume (Table 1).  

All of the as prepared and calcined samples give isotherms of Type IV, according to 

IUPAC classification.33 All isotherms also exhibit large Type H1 hysteresis loops, another 

feature characteristic of Type IV isotherms, as a consequence of capillary condensation in 

mesopores. Type H1 hysteresis is indicative of ink-bottle-shaped pores, whereby the 

entrance to the pore is much narrower than the pore itself.34 
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As for the structure retained by the samples as prepared, their main features observed by 

XRD are displayed in Figure 1A, in which the broad peak between 16-28° 2θ, centered at 

21° 2θ, is specific to amorphous silica.35-37 

 

Figure 1 - XRD patterns of SiO2 (a), Na-SiO2 (b) and Ca-SiO2 (c) as prepared (section A) 

and after calcination at 450 °C (section B). 

 

Both doped samples retain this characteristic halo, indicating that at preparation and 

drying temperatures, the amorphous character of the bulk silica is not affected by the 

dopant cation. In addition to this broad peak, a number of additional features are observed 

for the doped samples. The ill-defined, very low intensity peaks present in Na-SiO2 (Figure 

1Ab) were not identified, but may indicate the presence of a non-stoichiometric phase in 

very small quantities, residues of the synthesis procedure. In the case of Ca-doping 

(Figure 1A c) only one additional peak at 29.3° 2θ is evident and reasonably assigned to 

the (104) reflection of the rhombohedral calcite phase of CaCO3 (ICDD 00-001-0837). 
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In all cases, after calcination the characteristic broad halo of amorphous silica remains 

(Figure 1B). In particular, the Na-doped sample (Figure 1B,b) shows three peaks at 20.6, 

21.6 and 26.5° 2θ assigned to cristobalite and quartz phases. As mentioned above, this 

result demonstrates that the presence of the cation encourages the early onset of silica 

crystallisation with respect to other samples; Ca-doped sample (Figure 1B,c) shows no 

distinct peaks and the peak previously assigned as CaCO3 disappeared, consistent with 

the removal of carbonate species after heat treatment (also demonstrated by FTIR 

analysis: vide infra). 

 

3.2 FTIR characterization 

Spectral features for the pure silica sample (Figure 2, a) include bands at 3738, 3660 and 

3530 cm-1, more readily seen after outgassing, which can be assigned to the stretching 

mode of isolated, bridging, and hydrogen-bonded silanol (Si-O-H) groups, respectively.38  

The additional band at 1631 cm-1 is representative of the bending mode (OH) of H2O 

hydrogen-bonded to the surface and the associated stretching mode (OH) is present at 

3250-3500 cm-1. After evacuation, it is evident that while the bridging and hydrogen-

bonded silanols are reduced in intensity, the band due to isolated Si-O-H groups increased 

in intensity indicating these species to be stable to outgassing. It is clear that the surface 

water is almost completely removed on outgassing at r.t., as illustrated by the reduction in 

intensity of the (OH) and (OH) bands.  

In general, the above observations are consistent for both doped materials (Figure 2, b 

and c sets of spectra), with any marked differences discussed below. 
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Figure 2 – Section A: FT-IR spectra of SiO2 (a), Na-SiO2 (b) and Ca-SiO2 (c) in air 

(dashed lines) and after outgassing at r.t. (solid bold lines) and at 400 °C (solid lines). 

Section B: zoom in the free hydroxyl region of the spectra recorded after outgassing at 400 

°C. 

 

The affinity of each sample for H2O (dashed lines in Figure 2A), the hydrophilicity, differs 

depending on the nature of the dopant. Looking at the intensity of the (OH) mode at 1631 

cm-1 as well as the corresponding stretching mode (OH), present as part of the broad 

band between 3000-3500 cm-1, it is evident that Na appears to decrease the hydrophilicity 

of the sample relative to pure silica, whereas the presence of Ca causes a more significant 

increase in H2O affinity. This has an important impact for CO2 sequestration, as wettability 

is one factor which will impact the efficiency of storage, determining the distribution of the 
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fluid phase within the reservoir. If water wettability is decreased, CO2 wettability will 

increase. In turn CO2 will fill small pores and form a film on the surface, potentially 

enhancing injectivity.39 However, the use of FTIR is not appropriate to determine 

quantitative indications about wettability and as such should be strictly limited to 

hydrophilicity interpretation, where the relationship to wettability is speculative in nature. 

Contact angle measurements would be more appropriate to describe wettability. 

After evacuation at r.t. and at 400 °C, the free silanol peak at 3738 cm-1 (see section B of 

Figure 2) is markedly reduced for doped samples with respect to pure SiO2: this is 

expected as the process of doping included an ion exchange with OH groups.  

An additional feature of the (OH) region, observable for Na-SiO2 in air and after 

outgassing at r.t., is the presence of a broad band between 3000-2750 cm-1. Though the 

identity of this cannot be concluded with certainly at this stage, if the model of a cation-

based oxide-like phase building up on the surface of the SiO2 is considered, an 

assignment can be postulated. Such a non-stoichiometric oxide-like phase would, in the 

presence of atmospheric H2O, exist as a ‘hydroxide-like’ phase, terminating in an OH 

group different from an isolated (or bonded) silanol on the surface of the SiO2 base, with a 

unique O-H stretching mode. It is therefore suggested that this highlighted feature in the 

(OH) region, persistent also on outgassing at r.t., may be assigned in this way. This may 

also be the reason for a smaller shoulder in the Ca-SiO2 spectrum at around 3250 cm-1, 

clearly observed after outgassing at r.t.  

Spectra recorded upon exposure to CO2 at r.t. with Na-SiO2 (Figure 3A) and Ca-SiO2 

(Figure 3B) are reported. Spectra for SiO2 are not reported since no bands were observed 

in this region. 
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Figure 3 - FT-IR spectra of Na-SiO2 (A) and Ca-SiO2 (B) upon admission of 3.75 Torr (a) 

and 15 Torr (b) of CO2 at r.t. Dashed spectra (c) and red spectra (d) are recorded after 

CO2 outgassing at r.t. and subsequent H2O admission (9 Torr) at r.t., respectively. 
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and 1647 cm-1 and that at 1367 cm-1 are associated,  as are the pair at  1459 and 1425 

cm-1. The first set of peaks are assigned to bidentate carbonates and the second as ionic 

carbonates.40,41 It is proposed that a lower frequency partner to the peak at 1647 cm-1 may 

1700 1600 1500 1400 1300

0.5 a.u.

d

Wavenumber / cm
-1

c

b

a

B

 

1
6

8
8 1
3

8
0

1
4

3
4

1
5

0
2

1
6

1
6

 

 

d

d

1
4

5
4

1
6

2
5

c

b

a

b

 

c

a

A

 

0.5 a.u.

1
3

6
7

1
4

2
5

1
4

5
9

1
6

4
7

1
6

8
6

 

 



18 

 

also be present, but the band is not resolved from those of the ionic species. This result is 

similar to results obtained by Bal et al. for the formation of carbonate species on alkali-

metal oxide loaded silica, Na2O-SiO2.42 This is the first significant evidence to support the 

proposed surface model of an oxide-like phase, in this case sodium oxide, building up on 

top of SiO2. 

In accordance with previously reported data for the oxide species,43 Ca-SiO2 (Figure 3B) 

shows evidence of monodentate carbonate formation with a pair of bands present at 1502 

and 1434 cm-1. Another prominent band at 1616 cm-1 is associated with the bending mode 

of hydrogen-bonded H2O, potentially linked with the earlier observation of higher 

hydrophilicity of this sample. Additional peaks are visible at 1688 and 1380 cm-1, which are 

absent in spectra of sample after outgassing (Figure 3B, dashed line c): they are 

tentatively assigned to bicarbonate species and/or in the case of the 1380 cm-1 component 

to the 1 mode of molecularly adsorbed CO2.40,44 Upon removal of these on evacuation, 

bands due to the monodentate species increase in intensity, suggesting interconversion 

between the two carbonate species. 

As for the interaction of CO2 with surface ions, namely OH groups, it must be recalled that 

some indications may come from the inspection of the spectral region typical of the 3 

mode of the molecule (Figure S3). It is interesting to note that one simple component is 

present in the case of plain SiO2 (located at  2345 cm-1), which remains also in the case 

of the cation-modified materials, even though in the case of the Na-modified one it exhibits 

a much lower intensity with respect to the others. This intensity trend reflects the different 

OH populations exhibited by the samples, as reported in Figure 2B. 

Admission of H2O was subsequently performed on samples from the previously described 

CO2 admission experiments (Figure 3, red curves d). As it is likely that H2O is present in 
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some form, most likely brine during the mineralisation process and long-term storage, this 

investigation was performed to test the effect of wettability changes and the stability of 

carbonate species. 

For Na-SiO2 sample, the presence of H2O led to the conversion of bidentate species 

(bands at 1686, 1647 and 1367 cm-1) to highly symmetrical ionic carbonates, with one 

band present at 1454 cm-1, instead of the two bands at 1459 and 1425 cm-1 for the ionic 

carbonates under dry conditions. The second prominent band at 1625 cm-1 is related to 

the bending mode of H2O. Both bands have ill-defined shoulders on the high and low 

frequency sides, respectively, which most likely contain components of residual bidentate 

species and potentially ionic species of differing symmetry, less symmetric than those 

giving the single peak. A similar effect was observed for nitrate species adsorbed on a 

BaO phase45 where it was demonstrated that the dissociative adsorption of water leading 

to OH groups causes the transformation of bidentate nitrates to an ionic form. The extent 

of transformation decreases upon increasing temperature in relation to the decreased 

surface hydroxylation. The same behaviour was observed for sulfated ZrO2:46 surface 

hydration of the solid affects the structure and, consequently, the IR spectra of surface 

sulfates. On hydrated surfaces, sulfates have been reported to be present predominantly 

in an ionic configuration resembling that of inorganic sulfato-complexes, whereas on 

dehydrated surfaces the sulfates tend to acquire a configuration similar to that of the 

organic sulfonic derivatives. It is possible to propose that the dissociative adsorption of 

water takes place in a competitive manner on surface sites on which, in our case, 

bidentate carbonates are formed. This displaced species remain on areas of the surface 

suitable for the formation of the ionic species.  
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These findings show that the presence of water at the carbonation site could have a direct 

impact on the carbonate speciation during mineralisation. As carbonate coordination will 

impact on the packing efficiency of the carbonate layer, it is possible to speculate that the 

carbonation efficiency will be subsequently affected. Of course the difference in pressure 

between the current investigation and reservoir conditions is likely to impact this further. 

For Ca-SiO2 sample, the only observable effect of water is the significant increase in 

intensity of the peak at 1616 cm-1 due to the H2O bending mode; no changes to the 

carbonate species were observed. 

A second investigation on the effect of water was also performed with co-admission of H2O 

and CO2, testing the effect of H2O on the carbonate formation process over longer periods 

of time (up to 20 hours). In this case, co-admission of CO2 at the maximum pressure 

admitted in the previous investigation – 15 Torr – and H2O was made (Figure 4).  

The pressure of H2O selected was 9 Torr, based on comparisons between H2O admission 

spectra (not reported for sake of brevity) and that of the samples in air: 9 Torr corresponds 

roughly to the level of H2O present in the sample as prepared.  

As for Na-SiO2 sample (Figure 4A), by comparing the spectra obtained in the previous 

study (Figure 3A, red curve d), it is immediately apparent that the initial situation here 

(Figure 4A, a) is the same as the final in that case, i.e. two prominent bands, one at  1460 

cm-1 representing ionic carbonates and the bending mode of H2O at 1632 cm-1, with 

shoulders of additional species also visible. However, after prolonged exposure to the 

CO2/H2O mixture, a decline in the intensity of the ionic band is clearly observed, with 

simultaneous increase of bands at around 1370-1390 cm-1 and 1674 cm-1. 
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Figure 4 - FT-IR spectra of Na-SiO2 (A) and Ca-SiO2 (B) upon admission of CO2/H2O 

mixture (pCO2 = 15 Torr, pH2O = 9 Torr) at r.t. for increasing contact time: 1 min (a), 30 min 

(b), 2 hours (c) and 20 hours (d). Dashed spectra (e) are recorded after CO2/H2O 

outgassing at r.t. 

 

The positions of these bands are consistent with expectation for bidentate carbonate 

species, which suggests a return to the original species seen following CO2 exposure 

e

d

c

b

a

 

0.3 a.u.

A

1
7

3
6

 

1
6

7
4

1
6

3
2 1
3

7
6

1
3

9
6

1
4

6
1

 

 

1800 1700 1600 1500 1400 1300

e

e

d

c

b

a

 

B
1

5
4

40.3 a.u.

1
4

3
6

1
4

9
5

1
4

3
6

1
6

3
2

 

 

Wavenumber / cm
-1



22 

 

alone (Figure 3A, a and b). Upon outgassing, the band due to the H2O bending mode is 

visibly decreased, and to a lesser extent as are the bands of the bidentate carbonates, 

though the remaining ionic species appear more stable to evacuation. A conversion of 

ionic to covalent carbonates is apparent due to surface dehydroxylation during the 

outgassing process in agreement with the hydroxylation/dehydroxylation effect mentioned 

above.  

Ca-SiO2 sample also presents a complex series of spectra (Figure 4B), though the initial 

situation remains similar to that of CO2 admission only (and subsequent H2O admission on 

top of formed carbonates), presented earlier (Figure 3B), with the exception of the H2O 

bending mode, significantly more prominent here as expected. Interesting developments 

occur after 1-2 h of exposure (Fig 4B c), with growth of a new band at 1544 cm-1 and 

replacement of the broad band at about 1436 cm-1 with a narrower feature in the same 

position. In addition, the band at about 1495 cm-1 changes shape and prominently 

increases in intensity. These new and modified bands are attributed to a new pair of 

monodentate (1544 and 1436 cm-1) and ionic (1495 cm-1) carbonates with the original 

monodentate carbonates converting to these forms by the hydroxylation process. On 

outgassing, some of the ionic and “new” monodentate species appear to transform back 

into the original carbonates, as a shoulder potentially of the wide initial peak is observed to 

form at ~1400 cm-1 (Figure 4B, e). Also in this case, this observation can be related to 

surface dehydroxylation during the outgassing process, in agreement with the 

hydroxylation/dehydroxylation effect mentioned above. 
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3.3 Adsorption measurements and metal loading 

Experimentally determined CO2 adsorption isotherms are presented (Figure 5) for Ca-SiO2 

(red circles) and Na-SiO2 (black squares) with fitting (red lines) by the Freundlich isotherm 

equation (q = Kfp1/n). Freundlich isotherm parameters and regression coefficients are given 

in Table 2. Repeatability was checked by running isotherms in triplicate on fresh samples, 

with standard deviation error bars (n=3) smaller than the data points shown in Figure 5, 

indicating a high level of repeatability. The data showed an increase in the quantities 

adsorbed with increasing CO2 pressure but failed to attain a plateau within the pressure 

range studied, indicating that further adsorption would occur at higher pressures for both 

doped samples. 

Experimentally determined data points were fitted through non-linear regression to the 

Freundlich isotherm equation (q = Kfp1/n), an empirical model suitable for non-ideal 

adsorption on heterogeneous surfaces as well as for multi-layer adsorption. Kf is the 

Freundlich isotherm constant and n is the adsorption intensity, empirical parameters 

related to adsorption capacity and strength respectively. Regressions coefficients (Table 2) 

show that the Freundlich isotherm fitted the data well and suggested the above 

hypotheses are correct. The maximum adsorption at 760 Torr (T = 35 °C) calculated using 

the fitting parameters was 0.22 and 0.13 mmol g-1 for Ca-SiO2 and Na-SiO2, respectively. 

As the former sample has been shown to be more hydrophilic and that a greater amount of 

surface hydroxyl groups were present after evacuation (Figure 2) it is possible that this 

surface functionality enhanced CO2 uptake. Hydroxyl groups have a high affinity for CO2 

and their presence encourages bicarbonate formation and higher sorption values.47 

However, when the different surface areas of the materials were considered (Table 1), a 

clear relationship between final CO2 uptake and post-synthesis surface area was 
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apparent. Values normalised per unit area (Table 1) are 1.40 µmol m-2 for both Ca-SiO2 

and Na-SiO2. 
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Figure 5 – CO2 adsorption isotherms (T = 35 °C) for Na-SiO2 (black squares) and Ca-SiO2 

(red circles). Non-linear fitting of Freundlich isotherm model (red lines). 
 

Table 2 – Freundlich isotherm fitting parameters with standard error and correlation 
coefficients obtained by non-linear fitting of Na-SiO2 and Ca-SiO2. 

 

 Kf n Adjusted R2 

Na-SiO2 5.6 x 10-3 ± 0.3 x 10-3 2.10 ± 0.04 0.9977 

Ca-SiO2 6.9 x 10-3 ± 0.1 x 10-3 1.91 ± 0.01 0.9997 

 

Metal loading on the surface was determined (Table 3) by EDX and indicated that 2.11 

and 1.04 mmol g-1 of Na and Ca, respectively had been deposited on the surface. The 

determined loading values compare well with the original publication, albeit for K, where a 
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loading of 6.9 wt% was achieved at equilibrium.32 In another publication from our group 

using K-exchanged SiO2 this loading was achieved precisely, offering confidence in the 

preparative technique and subsequent analysis.49 Cation-exchange was shown be at 

equilibrium due to the constant values attained in the pH measurement during synthesis. 

This would initially appear to be consistent with an exchange of one hydroxyl group for 

each monovalent Na cation and two hydroxyl groups for each divalent Ca cation. 

Considering the concentration of surface hydroxyl groups on amorphous silica – 4.6 and 

4.9 OH nm-2 (least squares and arithmetical mean)48 a metal coverage can be calculated 

(Supporting Information) based on the above cation-exchange assumptions, hydroxyl 

group concentration and cation loading (Table 3). Coverage (θ) is defined as the amount 

of adsorption sites (OH) occupied by adsorbate ions (Na/Ca), expressed as a percentage 

of available surface sites based on the concentrations for amorphous silica above.48 In 

both cases coverage was found to be close to one monolayer, with a range presented in 

Table 3 when considering the two values for hydroxyl group concentration. Even though 

this calculation would infer that all available hydroxyl groups have been consumed during 

the cation-exchange procedure, FTIR showed (Figure 2) that in the doped samples free 

isolated hydroxyl groups existed. It is reasonable to explain this observation on the basis 

that the referenced hydroxyl group concentrations underestimate the true value. However 

based on experimental observations, it would appear that three dimensional oxide-like 

phases were also present on the silica surface, either terminated with free hydroxyl groups 

or leaving silanols exposed on uncovered silica surface. 

When considering the CO2 uptake at the conditions of the FTIR experiments (15 Torr), the 

CO2 uptake calculated using the fitting parameters was 0.02 and 0.03 mmol g-1 for Na-

SiO2 and Ca-SiO2, respectively. Comparing this to the metal loading observed in the EDX 
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experiments (Table 3), it could be that during the early stages of adsorption, where FTIR 

indicates that chemisorbed carbonates form, the CO2 uptake can be rationalised 

considering ionic charge. As a free carbonate anion would require twice as many Na+ 

cations for charge balance, and there is roughly twice as much Na (2.11 mmol g-1) present 

compared to Ca (1.04 mmol g-1), the similar low pressure uptake values can be explained 

on the basis of charge balance. At increasing pressure the uptake values diverge owing to 

the differences in the surface area of the materials as shown by the identical area 

normalised values (Figure 5). Initial adsorption formed chemisorbed carbonates, with 

subsequent adsorption related to layers atop the initial carbonates or from the growth of a 

three-dimensional phase. A maximum uptake of CO2 as related to the metal loading was 

not achieved, which was related to the nature of the isotherm. 

 
Table 3 – Metal loading as determined by EDX expressed as total wt% of the sample and 

as molar cation loading. Values are presented as an average of multiple points with 
standard deviation. Coverage (θ), the amount of adsorption sites (OH) occupied by 

adsorbate ions (Na/Ca) is shown as determined assuming 4.9 and 4.6 OH nm-2 for the 
lower and upper bounds respectively (Supporting Information). 

 

 
cation loading / 

wt% 

cation loading / 

mmol g-1 

Coverage (θ) / % 

Na-SiO2 4.85 ± 0.24 2.11 102.9 – 109.6 

Ca-SiO2 4.16 ± 0.05 1.04 101.2 – 107.9 
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4. Conclusions 

To understand rate determining processes occurring during carbon storage it is necessary 

to understand speciation and the formation of ligands known to enhance dissolution in 

silicate minerals. Furthermore the sensitivity of such ligands or carbonate minerals formed 

during storage to the presence or absence of water is relevant to both long term geological 

storage and direct air capture where moisture is unavoidable. 

Using our motif based system, the ability to adsorb and react with gaseous CO2 to form 

surface carbonates has shown that at the fundamental level, carbonates show 

dependence not only on cation and the presence of water, but on the order in which they 

are exposed to moisture and with time. These results have implications for the nature of 

carbonates formed during carbon storage over timescales where brine moves through a 

reservoir and modifies the speciation. Modelling requires realistic input for dissolution rates 

and the presence of ligands known to enhance dissolution are of interest. 

The characterisation of the materials showed that the main change to the parent material 

was the reduction of the surface area which subsequently impacted the CO2 uptake at 

higher pressures. At the pressures encountered in geological formations this effect will 

have even greater precedence. The onset of crystallisation induced by the presence of a 

cation has been shown previously and was confirmed. 

Hydrophilicity of the amorphous silica material was shown to decrease and increase upon 

doping with Na and Ca respectively, indicating that nanoscale changes to the surface 

could have impacts on wettability and plume migration on the macroscale.  

By placing the cation on the surface it was possible to determine carbonate coordination 

and the effect of impurities, such as water, in a reasonable timescale for laboratory study. 
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The complex nature of carbonate coordination when considering different reactive cations 

and the sequence of exposure of CO2 and water was elucidated. 

Finally the difference in pressure between the present study and realistic process 

conditions are a limitation in the interpretation of results. However, previous work from our 

group with a potassium system, relevant to K-feldspar dissolution and soluble carbonate 

formation, at reservoir pressure and temperature conditions, indicated that the effect of 

pressure was negligible on the speciation, at least in the initial stages of carbonate 

coordination considered within.49 

Overall a process to prepare materials permitting the study of carbonate formation at the 

individual cation level has been presented. These results have implications for wettability 

changes and carbonation reactions during mineralisation of CO2 in subsurface storage 

locations. Importantly it was shown that the presence of water, known to have implications 

in various capture materials, oxide looping cycles and carbon storage, directly impacts the 

speciation of carbonates formed. These results have wider implications for catalysis, 

biomineralisation, utilisation of CO2 and systems where the initial stages of carbonate 

formation are significant. 

 

5.    Supporting Information 

N2 adsorption-desorption isotherms, pore size distribution plots for as prepared and 

calcined samples, and coverage calculations. 
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