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Abstract: 

Recently, carbon mineralization has received much attention as one of the most promising options for CO2 

sequestration. Carbon mineralization has unique advantages, such as the abundance of naturally occurring 

calcium- and magnesium-bearing minerals and the formation of environmentally benign and stable 

carbonates via a thermodynamically favored mechanism. However, several challenges need to be overcome 

to successfully deploy this technology. In particular, acceleration of the extremely slow weathering step, 

along with process optimization, is essential to ensure economic feasibility. In this study, the effect of 

various types of chelating agents on the dissolution rate of wollastonite, a calcium-silicate mineral, was 

explored to accelerate the weathering rate. Wollastonite was chosen because the largest deposits of 

wollastonite in the U.S. exist in New York State. It was observed that chelating agents, such as acetic acid 

and gluconic acid, which bind Ca2+ from the mineral, significantly improved the dissolution kinetics of 

wollastonite, even at a diluted concentration of 0.006 M. Calcium extracted from wollastonite was then 

reacted with CO2 to form precipitated calcium carbonate (PCC) that mimics commercially available 

CaCO3-based filler materials. The particle size distribution and the morphological structures of synthesized 

PCC were investigated as functions of reaction time, pH, and reaction temperature. 

Keywords: CO2 mineralization, wollastonite, mineral dissolution, chelating agents, carbonation, 

precipitated calcium carbonate, sequestration 
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Summary
 

Carbon mineralization is one of the safest methods of sequestering anthropogenic carbon dioxide. It is 

based on the exothermic reaction between carbon dioxide and the metal ions present in silicate minerals to 

form geologically and thermodynamically stable mineral carbonates. Most of the silicate minerals available 

for carbon mineralization are rich in magnesium (e.g., serpentine and olivine). Thus, recent research has 

been aimed at the accelerated weathering of Mg-bearing silicate minerals. However, the selection of 

minerals appropriate for carbon storage is highly location-specific due to the potentially large transportation 

cost. Therefore, other minerals in smaller scales should also be investigated for their carbon-storage 

potential. 

This study focuses on the dissolution and carbonation of wollastonite. Since the largest deposits of 

wollastonite in the U.S. exist in New York State, where limited carbon-storage options are available, the 

fixation of anthropogenic CO2 into mineral carbonates could be one of the best options for the state. It is 

estimated that there are 7-14 Mt of wollastonite in New York; this translates to a storage potential of 2-5 

million tons of CO2. Thus, New York is in a strong position to demonstrate the viability of mineral 

sequestration on wollastonite minerals, which are easier to carbonate than olivine and serpentine. Not only 

is the carbonation easier with wollastonite, but also the mining infrastructure that is required for processing 

the minerals has already been built and is operating commercially. 

The overall chemical process by which the calcium from wollastonite is carbonated can be separated 

into two steps: dissolution and carbonation. In the dissolution step, effects of various chelating agents on 

the enhanced dissolution of wollastonite were investigated. It was found that the most dissolution of 

wollastonite occurred in the first few seconds, attributed to the presence of very fine particles. Chelating 

agents, such as weak organic acids that target and form complexes with Ca in a mineral matrix, improved 

the dissolution kinetics of wollastonite by orders of magnitude, even at concentrations as low as 0.006 M. 

The effect of a wide variety of chelating agents on wollastonite dissolution was determined. Dissolution 

studies revealed that gluconic acid, citric acid, and acetic acid are better than other chelating agents. As 

expected, the mineral-dissolution rate was enhanced by increasing the concentration of chelating agents. 

The dissolved calcium ions were then carbonated to form precipitated calcium carbonate (PCC), which 

mimics commercially available CaCO3-based filler materials. First, the particle-size distribution and the 

morphological structures of synthesized PCC were investigated, as functions of reaction time, pH, and 

reaction temperature with model Ca-solution (calcium nitrate). Then, soluble Ca species extracted from 

wollastonite were used to form carbonate and compared with the one synthesized with pure chemical. A 

comparison between PCC synthesized from wollastonite and Ca(NO3)2 revealed that the morphological and 

crystal structures were identical, but the particle-size distributions were slightly different because of the 

chelating agents used in the dissolution step. Finally, the structures and particle-size distribution could be 

controlled by changing reaction parameters, such as temperature and pH. 

S-1 





          

      

      

           

        

        

          

       

     

       

          

       

          

   

       

       

    

       

   

     

       

     

          

         

     

      

         

         

     

        

       

            

     

        

1 Introduction
 

Carbon dioxide is one of the greenhouse gases known to cause climate change.1-3 Significant 

increases in the concentration of atmospheric carbon dioxide are also changing the surface chemistry of the 

ocean, leading to other detrimental environmental impacts, including the acidification of the ocean. 

Reducing the increasing levels of anthropogenic CO2 in the atmosphere is one of the most significant 

concerns in energy- and environmental-research areas.1,2 Efforts to develop renewable energy sources and 

improve efficiency of energy production and use are underway to reduce CO2 emissions. However, given 

the rising global demand for energy and increasing consumption of fossil fuels, CO2 capture and 

sequestration (CCS) technologies are necessary to curb CO2 emissions.4 Various schemes have been 

proposed and developed for efficient CO2 capture and sequestration.5,6 In particular, many sequestration 
7,8 9,10 options have been investigated, including geological storage, ocean storage, and mineral 

sequestration11-14. Currently, geological storage of CO2 is considered to be the most economical method for 

sequestration, while CO2 sequestration by forming mineral carbonates is relatively new and less explored. 

CO2 mineral sequestration involves exothermic carbonation of naturally occurring Mg- or Ca-bearing 

silicate minerals, such as serpentine (Mg3Si2O5(OH)4), forsterite/olivine (Mg2Si2O4), or wollastonite 

(CaSiO3). The well-recognized advantages of CO2 mineralization can be summarized as (i) very large 

capacity, (ii) no necessity of monitoring after disposal, and (iii) environmentally benign and 

thermodynamically stable products. Thus, this option facilitates permanent removal of CO2 from the 

atmosphere. However, the slow chemistry of the reaction - natural weathering occurs on geological time-

scales - is still a major issue in the process of CO2 mineralization. 

Since the concept of mineral sequestration for CCS was first illustrated by Seifritz in 1990,11 more-

detailed methods have been proposed, including an aqueous scheme15 and an underground-injection 

method16. Direct carbonation of Mg-bearing silicate minerals, such as serpentine, was first attempted in a 

gas/solid process at high-pressure and high-temperature conditions (500 °C and 340 bar) by Butt et al., 

showing relatively slow conversion rate.17 Lackner, et al. also proposed an indirect mineral-carbonation 

process to produce a more reactive form of magnesium, via MgCl2, in a separated step.18 While indirect 

processes offer relatively fast reaction kinetics and better product quality, reaction pathways are too 

complex and energy intensive.19,20 Since a direct-carbonation scheme in aqueous solution was developed by 

O’Connor et al.,21-23 significant attempts have been made in both direct- and indirect-carbonation schemes,  

including the extraction of Mg or Ca from silicate minerals using chemical additives, such as salts, acids, 

alkali solutions, or ligands.24-27 It has been known that the process parameters, such as pH, temperature, 

pressure, and particle-size distribution, significantly affect the reaction kinetics in mineral carbonation.28,29 

Park and Fan also investigated the effect of the physical activation on the dissolution of serpentine mineral 

with a pH-swing scheme to enhance mineral carbonation.25 The pH-swing process is beneficial in that high-

purity iron oxide and MgCO3 are produced as value-added products, potentially reducing the overall cost of 

1 
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the carbon-sequestration process. The effects of weak organic acids and additives in enhancing mineral-

dissolution kinetics were also reported.30,31 

For large-scale CO2 sequestration via carbon mineralization, generally Mg-bearing silicate minerals, 

such as serpentine or forsterite/olivine, are the most suitable minerals, due not only to their significant 

abundance in nature, but also their high capacity.5 For example, the theoretical CO2-binding capacity (RCO2) 

for serpentine is 2.1 ton-mineral/ton-CO2, whereas RCO2 is 2.6 ton-mineral/ton-CO2 for wollastonite.32,33 

Thus, research on CO2 mineralization has been more focused on magnesium-silicate minerals than calcium-

silicate minerals, such as wollastonite. Nonetheless, Ca-based silicate materials have a significant potential 

for utilization in CO2 sequestration. Because the choice for optimal CO2 sequestration largely depends on 

regional conditions in connection with CO2 transportation, CO2 mineralization via Ca-bearing minerals 

could be a plausible option in specific areas where Ca-bearing silicates are largely deposited. The world 

reserves of wollastonite are estimated to exceed 90 million tons (probable reserves estimated to be 270 

million tons),34 with large reserves in China, Finland, India, Mexico, Spain, and the U.S.35 In addition, the 

abundance of Ca in basalt rock (~9.4 wt% CaO) offers additional potential.21 Moreover, the technologies 

developed for enhancing carbonation of Ca-bearing minerals can also be applied to the carbonation of 

industrial wastes, such as steel slag and cement kiln dust, which contain a significant amount of 

calcium.36-39 

Good sites for underground injections are rare, and options for enhanced oil recovery are virtually 

nonexistent in the State of New York (although enhanced gas recovery may yet be an option). The largest 

deposits of wollastonite in the U.S., however, exist in Essex and Lewis counties of New York State. The 

deposits are currently being mined by the NYCO and R.T. Vanderbilt mining companies. The ore bodies 

mined by NYCO contain wollastonite, garnet, and diopside. Parts of them contain up to 60% wollastonite. 

The ore bodies mined by R.T. Vanderbilt contain primarily wollastonite, as well as minor amounts of 

calcite and prehnite and trace amounts of diopside. It is estimated that New York State’s production of 

wollastonite ranges between 115,000 to 127,000 tons per year, and there is 7-14 Mt of wollastonite total, 

which, theoretically, can store 2-5 million tons of carbon dioxide.40 Thus, New York is in a strong position 

to demonstrate the viability of mineral sequestration on wollastonite minerals, which are easier to carbonate 

than the olivine and serpentine minerals. Not only is the carbonation easier with wollastonite, but also the 

mining infrastructure required for processing the minerals has already been built and is operating 

commercially. 

The overall chemical process by which the calcium from wollastonite is carbonated can be separated 

into two stages. First is the dissolution of calcium from the mineral into solution, and second is the 

precipitation of calcium carbonate from solution. When mineral dissolution and carbonation take place 

simultaneously in an aqueous solution, the process is known as the direct-carbonation approach.22 Using 

this approach, the entire process is thermodynamically favored. As a result, energy inputs are not required 

during the chemical processing of the material. This method is currently regarded as the most economical 

mineral-carbonation pathway. 

2 
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However, there are two aspects of the direct-carbonation process that are not yet optimized with 

respect to reaction kinetics. First, by combining the dissolution and carbonation steps into one single batch 

process, one must compromise with the solution pH, pressure, and temperature conditions to accommodate 

both steps. The optimal conditions for the carbonate precipitation reaction (low acidity, low temperature) 

are opposite to that of the silicate-dissolution reaction (high acidity, high temperature). By separating the 

dissolution and carbonation steps, optimal conditions may be tailored to each step separately, thereby 

increasing the overall reaction kinetics. Second, potential chelating agents and catalysts have been 

relatively unexplored for use in mineral dissolution and carbonation processes. 

Due to the relatively high cost ($50-$100/net ton of CO2 sequestered) associated with carbon mineral 

sequestration, a breakthrough in this technology will not be possible without considering the utilization of 

solid products.2,22 During carbon mineral sequestration using wollastonite, CaCO3,  which is  widely used  

commercially, is produced. The demand for precipitated calcium carbonate (PCC) is enormous in the paper, 

paints, and plastics/rubber industries.41,42 Appropriate filler materials provide paper with desirable physical 

and optical characteristics, including improved dry strength, smoothness, and brightness. The ability to 

control the size, morphology, and uniformity is paramount for filler materials, and thus, PCC has become 

the preferred filler of choice over alternatives, such as ground calcium carbonate.43 For that objective, 

calcium carbonate was synthesized with tailored properties, such as mean particle size, particle size 

distribution and surface morphology, to emulate some commercially made PCC particles, which are shown 

in Figure 1,44 during carbon mineral sequestration. 

Figure21.2Examples2of2commercially2available2precipitated2calcium-carbonate2morphologies.2 

3 
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This report illustrates the effects of various types of chelating agents on the dissolution of 

wollastonite to accelerate and optimize the weathering kinetics. The indirect-mineralization scheme 

presented in this study also includes the formation of PCC as a  result of  CO2 reacting with the extracted 

calcium. The synthesized PCC was tailored with properties such as a desired particle-size distribution and 

surface morphology by controlling reaction time, temperature, and pH. 

4 



       

     

    

        

 

   

     

      

        

          

          

     

     

     

2 Materials and Methods
 

2.1 Wollastonite 

Minerals mined by R.T. Vanderbilt Co., Inc. were chosen for this study. These minerals also 

contained small amounts of calcite, prehnite, and trace amounts of diopside. These wollastonite samples 

were mostly mining tailings with a large particle-size distribution. Since a uniform particle size is desirable 

for the kinetic studies, wollastonite samples were sent to SGS Minerals Ltd. in Canada to be ground and 

prepped. 

For the further experiments, the ground wollastonite samples were sieved to collect fine particles, 

which were smaller than 175 μm. The particle-size distribution was obtained through laser diffraction 

measurement (LSTM 13 320 MW, Beckman Coulter, Inc., Brea, CA), and the results are shown in Figure 2; 

the average particle size for fine wollastonite sample was 108.59 μm. Although the sieving method is the 

simplest and most energy efficient way to obtain fine particles, it was found that this method is not suitable 

for larger wollastonite particles. The particle size was underestimated, due to its high aspect ratio and 

acicular shape. The morphological structure of wollastonite was investigated using Scanning Electron 

Microscopy (SEM, JSM-5600 LV, JEOL Ltd., Tokyo, Japan). As shown in Figure 2, the shapes of 

wollastonite particles were irregular, and the broken edges were very sharp. 

Figure 2. Particle-size distribution and SEM image of the ground wollastonite particles.2 

5 



       

       

          

         

      

         

    

   

        

       

 

      

    

    

   

      

  

      

   

For the information of crystalline structures in the sample, an X-ray diffractometer (XRG 3000, Inel 

Inc., Stratham, NH) was employed. The powder X-ray diffraction (XRD) patterns were obtained in the 28 

range of 20-60° at room temperature, using CuKa radiation (I = 1.5406 Å). In order to analyze the 

crystalline structures in the sample and the corresponding composition, a Rietveld refinement method was 

used via MAUD (Material Analysis Using Diffraction) package.45 The powder XRD pattern was obtained 

and the spectrum with Rietveld refinement fits is shown in Figure 3. The ground powder mainly contains 

wollastonite (Wollastonite 1A, space group: P1i, a = 7.963 Å, b = 7.350 Å, c = 7.034 Å, a = 90.73°, f = 

95.10°, Y = 104.92°) with small amounts of wollastonite 2M (parawollastonite, space group: P21, a = 

15.409 Å, b = 7.322 Å, c = 7.063 Å, f = 95.30°) and quartz. It was found that the Ca-element concentration 

was 27.0 wt% in the wollastonite minerals, as measured by ICP-OES via the lithium metaborate-acid 

dissolution procedure.46 

Figure 3. XRD patterns and Rietveld refined fits (Rwp = 14.1%) of wollastonite. Inset 

illustrates the crystal structure of wollastonite 1A.2 

2.2 Mineral Dissolution 

As mentioned earlier, the process method selected for the accelerated carbonation of wollastonite in 

this study was the indirect aqueous route, in which the dissolution and carbonation steps are decoupled and 

studied separately, using different reactor configurations. The goal in the dissolution step was to find 

suitable chelating agents for dissolving wollastonite minerals. For selecting the chelating agents, metal­

ligand interactions and positive results from previous studies based on literatures were considered, 

especially metal-ligand interactions. 

In order to investigate the effect of chelating agents on dissolution kinetics, various chelating agents 

were selected: acetic acid (CH3COOH), nitrilotriacetic acid (NTA, C6H9NO6), picolinic acid (C6H5NO2), 

6 
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iminodiacetic acid (IDA, HN(CH2CO2H)2), ethylenediaminetetraacetic acid (EDTA, C10H16N2O8), gluconic 

acid (C6H12O7), phthalic acid (C8H6O4), citric acid (C6H8O7), ascorbic acid (C6H8O6), glutamic acid 

(C5H9NO4), and oxalic acid (C2H2O4). All chelating agents were supplied by Sigma-Aldrich Co. LLC (St. 

Louis, MO).  

A differential bed reactor was used to explore the dissolution behavior, using selected chelating 

agents. A syringe with capacity of 60 ml was used, coupled with a syringe pump (NE-1000, New Ear Pump 

System Inc., Farmingdale, NY). The solvents containing various chelating agents were prepared and filled 

in the syringe. The solvents include 0.006 M for monoprotic acids (acetic acid, picolinic acid, and gluconic 

acid); 0.003 M for diprotic acid (IDA, phthalic acid, ascorbic acid, glutamic acid, and oxalic acid); 0.002 M 

for triprotic acid (NTA and citric acid); and 0.0015 M for tetraprotic acid (EDTA). A small amount of 

wollastonite (20 mg) was uniformly distributed in a sample holder, which was then attached to the syringe. 

The flow rate of the solutions was set to 10 ml/min. Since the wollastonite was always in contact with fresh 

solvent, buffers were not required in this system. All the reactions were performed at room temperature. 

The schematic diagram of the reactor is shown in Figure 4. 

Figure 4. Schematic diagram of experimental setup for mineral dissolution.2 

The total reaction time was about six minutes for each experimental run. For the elemental analysis, 

the liquid samples were collected in time intervals of 8-40 seconds (for the first 90 seconds, samples were 

collected every 8 seconds, and after that samples were collected every 40 seconds). After being filtered 

(pore size: 0.2 ,m), they were analyzed by employing an Inductively Coupled Plasma Optical Emission 

Spectrometer (ICP-OES: ACTIVA-M, Horiba Jobin Yvon Inc., Edison, NJ). Based on the result in the first 

test, dissolution behaviors of Ca2+ from wollastonite minerals were measured again under higher chelating­

agent concentrations for selected acids, such as gluconic acid, citric acid, and acetic acid. 

7 



       

      

       

        

        

   

           

        

     

         

      

          

          

        

   

              

  

    

      

         

        

           

     

  

2.3 Formation of Calcium Carbonate 

In this part, the pure calcium source, calcium nitrate (Ca(NO3)2), was used in the carbonation 

experiments first. Calcium-nitrate solution was employed because it is a simpler calcium source and it is 

easier to study the effects of pH, reaction time, and reaction temperature on the mean particle size, particle 

size distribution, thermal stability, and particle morphological structures. 200 ml of 0.25 M K2CO3 solution 

and 100 ml of 0.5 M Ca(NO3)2 solution were prepared, and mixed in a 500 ml beaker reactor placed in a 

water bath to achieve the precipitation of calcium carbonate. The mixture was mixed at 800 rpm throughout 

the experiments, and the samples were periodically (at 5 minutes, 15 minutes, 30 minutes and 60 minutes) 

collected to determine the particle-size distribution. The reaction temperature was 295 K. The slurry was 

then filtered and the filter cake was washed with deionized water. The final products, fine white powders, 

were obtained after drying overnight at room temperature. The final products were then analyzed, using 

XRD, laser diffraction, SEM, and Thermogravimetric Analyzer (TGA, Q50, TA Instruments Inc., New 

Castle, DE). The precipitation experiments were repeated at 315 K, 335 K, and 355 K, but samples were 

collected only one time, at 30 minutes, for the study of effect of reaction temperature on the synthesis of 

PCC. For the study of effect of pH on the synthesis of PCC, HNO3 and KOH solutions were used to change 

the pH condition for the precipitation experiments. The precipitation experiments were repeated at five 

different pH conditions (pH = 7.92, 8.10, 8.21, 11.67, 12.75). The reaction time for this study was also 30 

minutes. 

In order to compare the particle-size distribution, thermal stability, and morphological structure of 

precipitated CaCO3 from wollastonite and pure Ca(NO3)2, the calcium species extracted from wollastonite 

by acetic acid were then used to form carbonates. After dissolving wollastonite in acetic acid (1 M), the 

slurry was filtered and the liquid solution was collected. The pH of the solution (100 ml) was adjusted to 

the same as the pH of a 0.5 M Ca(NO3)2 solution. This solution was then added to 0.25 M K2CO3 solution 

and stirred at 800 rpm for 30 minutes to achieve precipitation of CaCO3. These experiments were performed 

at 295 K and 355 K. The final products were then analyzed using XRD, laser diffraction, SEM, and TGA. 
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3 Results and Discussion
 

3.1 Mineral Dissolution 

The reaction between the metal ion and chelating agent via ligand interaction can be expressed as 

mM + lL + hH+ H MmLJHh  (1) 

where M and L indicate metal ion species and chelating agent, respectively. Thus, it is expected that the 

extracted calcium species in aqueous solution from wollastonite via chelating agent exists as dissolved Ca2+ 

or a complex with chelating agent. Because pH plays a most significant role in the dissolution process, each 

dissolution reaction was first performed under similar pH conditions. In order to control the pH, the 

concentration of each chelating agent was adjusted to 0.006 M, 0.003 M, 0.002 M, and 0.0015 M for 

monoprotic, diprotic, triprotic, and tetraprotic acid, respectively. Figure 5 (a) shows the total concentration 

of extracted calcium from the wollastonite. There was a rapid decrease in the dissolution rate in the first 

few seconds. This is due to the dissolution of very fine particles (< 5 µm), which have a very high surface 

area. The reaction time for the dissolution experiments was around six minutes. The conversion ratio for 

each chelating agent was calculated using the equation 

MdConversion (%) = × 100  (2)
Mm 

where Md and Mm indicate the total dissolved calcium as either form of Ca2+ or bound calcium to chelating 

agents, and calcium in the wollastonite mineral, respectively. Ca2+ and calcium complexes are both 

candidates that can react with CO3
2- to form calcium carbonates in the precipitation step. The ICP measured 

the concentration of calcium dissolved in the solution, which is the same as total calcium concentration. 

Figure 5 (b) shows the conversion (%).  Calcium extraction from wollastonite was enhanced in the presence 

of all chelating agents except oxalic acid. 

Figure 6 represents the overall conversion ratio at six minutes with pH conditions of the solutions. pH 

has a significant effect on calcium extraction. Calcium extraction is enhanced by solutions at low pH 

containing chelating agents, compared with deionized water at low pH. Interestingly, oxalic acid, which 

shows a pH value of ~ 2.7, exhibits the lowest conversion ratio among chelating agents, similar to the 

dissolution rate in water. Oxalic acid does not work well for enhancing the dissolution of wollastonite 

because the solubility of calcium oxalate, which is the primary complex formed in the reaction between 

calcium ion and oxalate ion, is very low. Consequently, calcium oxalate precipitates out during the 

dissolution of wollastonite. 

The differences in calcium-dissolution behavior among the chelating agents were also observed. 

Specific chelating agents, such as acetic acid, NTA, and picolinic acid, possess relatively enhanced 

conversion rates, compared with others. Even at relatively higher pH values, acetic acid (pH ~ 3.5) and 

picolinic acid (pH ~ 3.9) significantly improved the dissolution rate. These features imply that the 

physicochemical nature of chelating agents plays an important role in the dissolution reaction, as well as 

the pH condition. Generally, chelating agents exist in various protonated forms in aqueous solutions with 
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distributions depending on pH, and each form shows different binding power for calcium species.47 Table 1
 

shows the properties of various chelating agents with Ca2+. 48
 

Figure 5. (a) [Catotal] in liquid samples from the differential bed reactor, where [Catotal] = 

[Ca
2+

] + [CaL] (L=ligand) and (b) Ca extraction as a function of time at 25 °C.2 
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Figure 6. Comparison of Ca extraction from wollastonite using various chelating agents 

(25 °C, reaction time = six min).2 

Table 1. List of chelating agents and their stability constants (p) with Ca2+.2 

Ligands Molecular formula Complex Log p 

Ascorbate C6H6O6 
2­ CaL 0.19 

Acetate C2H3O2 
- CaL+ 1.2 

Gluconate C6H11O7 
- CaL2 1.21 

Glutamate C5H7NO4 
2­ CaL 2.1 

Phthalate C8H4O4 
2­ CaL 2.4 

Oxalate C2O4 
2­ CaL 3.2 

IDA C4H5NO4 
2­ CaL 3.5 

Picolinate C6H4NO2 
-

CaL+ 

CaL2 

2.2 

3.8 

NTA N6H6NO6 
3­ CaL ­ 7.6 

Citrate C6H5O7 
3­

CaL -

CaHL 

CaH2L
+ 

4.7 

9.5 

12.3 

EDTA C10H12N2O8 
4­

CaL2­

CaHL ­

12.4 

16 
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In order to check the distributions of the protonated forms of each chelating agent at different pH 

conditions, activities for each protonated form were simulated as a function of pH (Figure 7). Each 

protonated form of a chelating agent shows different activities as a function of pH, and has a different 

stability constant. For example, it was found that the activities of EDTA4- and HEDTA3-, which complex 

with calcium, were very low at a pH of 3 compared with acetate-, but because of the high stability 

constants of the calcium complexes for EDTA4- and HEDTA3-, EDTA also works well on enhancing the 

dissolution of wollastonite. When evaluating the effect of each chelating agent on the dissolution of 

wollastonite, the activity of the ion that complexes with calcium, the stability constant of the calcium 

complex formed by that ion and Ca2+, and the solubility of the formed complex should all be considered. 

Figure 7. Speciation of various chelating agents as a function of pH, simulated using 

Visual MINTEQ: (a) 0.006 M acetic acid, (b) 0.003 M oxalic acid, (c) 0.002 M citric acid, and 

(d) 0.0015 M EDTA.2 

In order to determine the conversion rates at higher-concentration conditions of chelating agent, 

selected chelating agents, such as gluconic acid, citric acid, and acetic acid, were prepared with various 

concentrations. As expected, the conversion rates were increased with increasing concentration of chelating 

agents (Figure 8). 
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Figure 8. Effect of ligand concentrations on wollastonite dissolution (25 °C, reaction time = 

six min).2 

3.2 Formation of Calcium Carbonate 

3.2.1 Effects on Particle Size 

In the precipitation step, effects of pH, reaction time, and reaction temperature on the mean particle 

size, particle-size distribution, thermal stability, and particle morphological structures were first studied 

with a solution of Ca(NO3)2. As shown in Figure 9, the reaction time did not significantly affect the particle 

size and particle-size distribution of PCC. The mean particle size of PCC increased slightly as the 

crystallization process was carried out over a longer period of time. However, the difference was small. On 

the other hand, the particle-size distributions of PCC that were synthesized under different temperatures 

had very significant differences (Figure 10). However, it was not easy to find a trend as a function of 

temperature, due to a change in the particle morphological structure. For example, spherical particles and 

needle-shaped particles result in different particle size and particle-size distribution. Finally, Figure 11 

shows the effect of pH on the mean particle size and particle-size distribution. As the pH of the solution 

increased, the mean diameter of the produced PCC particles decreased. 
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Figure 9. Mean particle size (a) and particle-size distributions (b) of CaCO3, synthesized 

using model Ca-solution as a function of aging time at 295 K. 

Figure 10. Mean particle  size (a) and particle-size distributions (b) of CaCO3, synthesized 

using model Ca-solution as a function of reaction temperature (aging time =  30 min). 
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Figure 11. Mean particle  size (a) and particle size distributions (b) of CaCO3 synthesized 

using model Ca-solution as a function of pH at 295 K (aging time = 30 min, pH was 

measured after the precipitation)  

3.2.2 Effects on Morphological Structure 

The morphological structures  of  produced PCC  particles  were investigated using  SEM. Figure 12 

shows the effect of  pH  on the particle morphological  structure. At  low-pH conditions, the particles were 

spherical. At  high-pH  conditions, the morphological structure  of  particles changed  to  rosette-shaped,  which  

have  a larger surface area than  the  smooth,  spherical particles. It is known  that the spherical particles  are  

suitable as paper fillers. The PCC produced  at  highest  pH (12.75)  was amorphous, and  this explains the 

wide particle-size distribution observed during  the particle-size analysis.   

Figure 13 shows the effect  of reaction  temperature on  the  particle’s  morphological structure. At  295 

K, the  particles were spherical. When  the  temperature was  increased to 315K, the structure started to 

change  and  became  rosette-shaped. As the reaction  temperature was  further increased to 335K,  the PCC  

particles  changed to needle-like structure. As  shown  in  both Figure  12 and Figure  13,  the  effect  of reaction 

temperature was stronger than the effect of  pH on  the particle size and morphological structure. The effect 

of reaction  time on  the particle’s  morphological structure can be neglected. 

15 



2 
Figure 12. SEM images of CaCO3 synthesized using model Ca-solution at various pH 

conditions (reaction temperature = 295 K, aging time=  30 min).2 

Figure 13. SEM images CaCO3 synthesized using model Ca-solution at various 

temperature conditions (aging time =30 min).  
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3.2.3	 Effects of Different Calcium Sources on Synthesis of Precipitated Calcium 
Carbonate 

In order to estimate the possibility of using CaCO3 synthesized with soluble Ca species extracted 

from wollastonite (denoted as CaCO3(W)), its particle-size distribution and morphological structure were 

compared with the CaCO3 synthesized with the pure chemical of Ca(NO3)2 (denoted as CaCO3(M)). The 

CaCO3 particles formed from two different Ca sources of wollastonite and Ca(NO3)2 were synthesized at 

the same temperature and pH conditions for comparison. Figure 14 shows the particle-size distributions of 

CaCO3(W) and CaCO3(M) at two different temperatures of 295 K and 355 K. As shown in Figure 14, the 

particle-size distributions at 295 K were quite similar. On the other hand, the patterns at 355 K were 

different. It was reported that the organic additives could affect the morphological structure of PCC.49 Thus, 

the differences were attributed to the use of acetic acid to extract Ca from wollastonite. 

Figure 14. Comparison of mean particle size (a) and particle-size distributions (b) of CaCO3, 

synthesized using wollastonite and model Ca-solution at 295 K and 355 K (aging time = 30 min) 

XRD patterns were analyzed to determine the crystalline structures and compositions of synthesized 

PCC. Figure 15 shows XRD patterns of CaCO3(W) and CaCO3(M) synthesized at 297 K and 355 K, and 

their Rietveld refinement fits. As shown in Figure 15 (a), both CaCO3(W) and CaCO3(M) include two 

different crystalline structures of vaterite (space group: P63/mmc, a = 4.12 Å, c = 8.45 Å) and calcite (space 

group: R3ic, a = 4.99 Å, c = 17.05 Å). In the case of CaCO3(W), the composition of calcite was 24 wt% 

with 76 wt% of vaterite, whereas CaCO3(M) included calcite and vaterite of 33 wt% and 67 wt%, 

respectively. Because the vaterite is metastable, it is not only less common in nature, but also commercially 

a less significant polymorph of PCC. In contrast, calcite is the most common polymorph of PCC in 

commercial applications. At higher temperature of 355 K (Figure 15 (b)) both CaCO3(W) and CaCO3(M) 
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changed their polymorphic structures to aragonite (space group: Pnma, a = 4.95 Å, b = 7.96 Å, c = 5.74 Å) 

with a small amount of calcite (CaCO3(W): 87 wt% of aragonite with 13 wt% of calcite, CaCO3(M): 96 wt% 

of aragonite with 4 wt% of calcite). Aragonite was observed as a major polymorph of CaCO3 at 355 K 

because a phase transition from vaterite to aragonite occurs above 330 K.50 

Figure 15. Rietveld refinement results of CaCO3 synthesized with wollastonite and 

Ca(NO3)2 at (a) 295 K and (b) 355 K. Insets indicate crystalline the structures of vaterite, 

calcite, and aragonite.2 
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Figure 16 shows a comparison of the morphological structures of CaCO3(W) synthesized at 295 K 

and 355 K with CaCO3(M). As shown in Figure 16 (a) and (b), CaCO3 particles synthesized at 295 K 

exhibited spherical shapes, but the shape of synthesized PCC changed to needle-like at a higher reaction 

temperature (Figure 16 (c) and (d)). Generally, aragonite exhibits needle-shape orthorhombic structures, 

and the aspect ratio (length-to-diameter) is a very important property in many applications, particularly for 

aragonite. High aspect ratio in aragonite is suitable in applications that require high strength and incident 

light scattering. 

Figure 16. SEM images of CaCO3 synthesized with Ca(NO3)2 ((a) and (c)) and wollastonite 

((b) and (d)) at two temperature  conditions, of 295  K and 355 K, with different  

magnifications.2 

Figure 17. TGA  results of CaCO3 synthesized with wollastonite and Ca(NO3)2 at 295 K and 

355 K.2 
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There was no difference in the thermal stability among the PCC samples synthesized under different 

conditions. The weight loss for each PCC sample was a little higher than 44%, which is the theoretical 

weight loss for the calcination of pure CaCO3 (Figure 17). The extra weight loss was attributed to the 

moisture in the PCC samples. 

A comparison between PCC synthesized from wollastonite and Ca(NO3)2 revealed that their 

morphological and crystal structures were identical. Their structures could be controlled by changing the 

reaction parameters, such as temperature and pH. Further process optimization is required to produce 

uniform and highly specific PCC. Particularly, the effect of chelating agents on the particle distributions 

and morphology of PCC will be subjected to future investigations. 
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4 Thermodynamic Modeling and Flow Diagram of 

Industrial Process 

4.1 Thermodynamic Modeling 

Instead of using MATLAB to do the thermodynamic modeling of the H2O-CO2-CaO-SiO2 system, a 

thermodynamic modeling of the H2O-CO2-wollastonite system was done using the software PHREEQCI. 

PHREEQCI is a Windows-based interface that provides access to all the capabilities of PHREEQC. 

PHREEQC is a computer program for simulating chemical reactions and transport processes in natural or 

polluted water. The program is based on equilibrium chemistry of aqueous solutions interacting with 

minerals, gases, solid solutions, exchangers, and sorption surfaces, but it also includes the capability to 

model kinetic reactions with rate equations that are completely user-specified in the form of Basic 
51statements.

PHREEQC is capable of simulating a variety of geochemical reactions for a system including: 

Ь Mixing of waters,
 

Ь Addition of net irreversible reactions to solution,
 

Ь Dissolving and precipitating phases to achieve equilibrium with the aqueous phase, and
 

Ь Effects of changing temperature.
 

Figure 18. Effect of the partial pressure of CO2 on wollastonite dissolution at 120 ºC. 
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Figure 19. Effect of the partial pressure of CO2 on precipitation of calcium carbonate 

at 120 ºC. 

First, carbonation of excess wollastonite mineral in the water was simulated under various partial 

pressures of CO2 conditions (10 bars, 40 bars and 60 bars) at 120 °C (393 K). The simulation results were 

shown in Figure 18 and Figure 19. As shown in Figure 18, a higher partial pressure of CO2 resulted in a 

lower pH in the system, which consequently increased the dissolution of wollastonite. Both the pH and 

partial pressure of CO2 affect the precipitation of calcium carbonate. As  shown  in  Figure 19, a higher  

partial pressure of CO2 increased the precipitation of calcium carbonate at 120 °C (393 K). This means that 

at 120 °C (393 K), the effect of CO2 partial pressure on the precipitation of calcium carbonate is bigger 

than the effect of the changing pH. 

Figure 20. Effect of temperature on wollastonite dissolution at PCO2  = 40 bars. 
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 Figure 22. Sketch of flow diagram of the industrial carbon-mineralization process. 

         

      

Figure 21. Effect of temperature on precipitation of calcium carbonate at PCO2 = 40 bars. 

Then, carbonation of excess wollastonite mineral in the water was simulated under a constant partial 

pressure of CO2 (40 bars) at various temperature conditions (90 °C (363 K), 120 °C (393 K) and 150 °C 

(423 K)). As Figure 20 and Figure 21 show, increases in system temperature caused a decrease in the 

dissolution of wollastonite and precipitation of calcium carbonate, because the CO2 dissolution favors low 

temperature. 

4.2 Flow Diagram of Industrial Process 

Figure 22 shows the sketch of a flow diagram of the industrial carbon-mineralization process with 

wollastonite. There are two main continuous stirred-tank reactors, one for wollastonite dissolution and 

23 



          

       

            

           

       

 

         

     

          

            

      

     

 

      

       

       

        

        

       

          

     

another for precipitation of calcium carbonate. 62.3% of calcium was leached out from wollastonite 

minerals in three hours in a laboratory experiment. The dissolution experiment was performed under 

ambient pressure with air in a batch reactor, and the reaction temperature was 80 °C (353 K). 1 M acetic 

acid was used as a chelating agent. Citric acid was also tested as a chelating agent for wollastonite 

dissolution, but it formed a gel-like material in the batch reactor and did not enhance the wollastonite 

dissolution. 

Based on the batch dissolution experiments in the laboratory and thermodynamic modeling of the 

H2O-CO2-wollastonite system, the dissolution reactor can be operated around 90 °C (363 K) to get above 

70% calcium recovery from wollastonite minerals with 1 M acetic acid in three hours. To get higher 

recovery of calcium from wollastonite, strong acid, such as HNO3, can be added to decrease the pH in the 

dissolution reactor. Another option is to increase reaction temperature (around 120-150 °C (393-423 K)— 

considering the thermal and energy penalty, the temperature cannot be too high), but in this case the 

dissolution reactor cannot be operated under ambient pressure. 

The carbonation reactor should be operated under high partial pressure of CO2, with addition of a 

base to increase the pH (e.g. NaHCO3, NaOH). The liquid solution from the dissolution reactor is acidic, 

and dissolution of CO2 also decreases pH in the reactor. Since precipitation of calcium carbonate is favored 

at high pH, a base should be added to increase the pH in the carbonation reactor. Precipitation of calcium 

carbonate also favors low temperature, but when considering the kinetics, the reaction temperature should 

not be lowered very far. In addition, the product morphology can be selected with temperature. To get 

vaterite and calcite as final products, operation temperature should be lower than 330 K; to get aragonite 

and calcite as final products, operation temperature should be higher than 330 K.  
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