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ABSTRACT 
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The aim of this work was to find a method to remove calcium impurities from a concentrated 

magnesium sulfate solution. Different methods were evaluated, including (i) selective precipitation 

using ethanol, sodium carbonate, oxalic acid, and sodium hydroxide, (ii) partial crystallization, 

and dissolution of magnesium sulfate solutions, (iii) ion-exchange using cationic exchange resin, 

and (iv) membrane separation using a calcium ion-selective membrane. The changes of Ca2+ and 

Mg2+ ions in each method were evaluated using ICP-OES analysis. Among the additives used in 

the selective precipitation experiments, ethanol and sodium hydroxide were the most efficient in 

removing calcium up to 65% and concentrating magnesium ions by six times (Mg/Ca molar ratio) 

as compared to the original solution, respectively. Sodium carbonate and oxalic acid did not cause 

any precipitation of calcium due to the high ionic strength as well as the inhibitory effect of Mg2+ 

ions present in the solution. Furthermore, partial crystallization and Ca2+-selective membrane 

separation were found to be ineffective in removing calcium. Ion-exchange, using Amberlite® IR 

120 resin, reduced the concentration of calcium ions in the solution by 30%, but also removed 20% 

of the magnesium ions in the solution, which signifies inadequate selectivity of the ion-exchanger. 

Lastly, partial dissolution of magnesium heptahydrate salts showed that calcium solubility 

decreases at low temperatures. 

Keywords: selective precipitation, ion exchange, partial dissolution, partial crystallization, Ca-

selective membrane, crystallization fouling, magnesium sulfate, calcium impurity removal, 

purification  
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1. INTRODUCTION 

Magnesium is the eighth-most abundant mineral in the earth’s crust by mass while its cation (Mg2+) 

is the second-most abundant cation present in seawater. Magnesium is found in the form of 

magnesite (MgCO3), dolomite (CaMg(CO3)2) and in mineral waters where the magnesium ion is 

soluble. As a metal, magnesium is mainly used in lightweight materials and alloys, die-casting [1], 

and the desulfurization process in the production of iron and steel [2]. Its compounds are diversely 

applied in agriculture, medicine, and the development of construction materials. The addition of 

magnesium hydroxide in plastics makes them fire retardants [3]. Magnesium oxide is determined 

to possess antibacterial properties and also acts as a fire-resistant and insulating material [4]. Since 

magnesium is involved in many physiological and biochemical processes in plants, it plays an 

important role in plant growth and development [5]. Furthermore, magnesium compounds such as 

sulfate (Epsom salt), hydroxide (milk of magnesia), chloride, and citrate are all used in the field of 

medicine in the form of laxatives or antacids [6]. 

Purity is an essential factor in determining the possible application of these magnesium compounds 

and their price in the market. Among the possible impurities, the presence of calcium during 

downstream processing in industries is problematic due to calcification [7]. Calcium carbonate 

deposits on vessels and equipment may increase the cost of maintenance and the downtimes in 

manufacturing resulting in production loss. Several studies were conducted to remove calcium in 

the production of magnesium-rich solutions. Selective precipitation is the most common 

processing method, because it gives a significant advantage by increasing the ease of operation 

and reducing the cost and by diminishing the production of secondary pollutants [8]. Xia et al. 

used four additives (sodium carbonate, sodium oxalate, sodium fluoride, and sodium sulfate) to 

selectively remove calcium, and sodium hydroxide to recover magnesium by precipitation from 

flue gas desulfurization wastewater [9]. They reported that a 96% Ca removal efficiency was 

achieved using oxalate with 1.4-times stoichiometric dosage at pH 6.0. They recovered magnesium 

hydroxide with 99.3% (w/w) purity. Kim et al. developed a technology to recover Mg from 

seawater desalination brine in the form of high-purity MgSO4 [8]. It consisted of three steps: pre-

precipitation of Mg(OH)2 using alkali, preparation of Mg concentrate using sulfuric acid, and 

precipitation of MgSO4 using ethanol. Another study had developed a process scheme for the 

selective precipitation of calcium (Ca) and magnesium (Mg) from Red Sea water and reverse 
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osmosis brine using a dual precipitation/chelation unit [10]. Two precipitation stages were 

employed using sodium carbonate and sodium hydroxide for the sequential removal of Ca and Mg, 

respectively. They reported that the Ca removal could achieve 93.2-96.6% efficiency, while Mg 

removal achieved 74-99.6% efficiency. The use of chelating agents (EGTA, DTPA, and HEDTA) 

achieved almost complete removal of Mg with a maximum capacity of 490 mg/g.  

Besides selective precipitation, other pre-treatment processes, such as ion exchange and 

electrodeionization, were investigated for calcium removal. However, some of these methods 

aimed at producing pure water and their selectivity between calcium and magnesium was not 

considered. In the present work, different methods, namely selective precipitation, partial 

crystallization and dissolution, ion-exchange, and ion-selective membrane, were tested and 

investigated for the removal of calcium from industrial-grade magnesium sulfate solutions. To 

reduce the loss of magnesium, experiments were conducted at different pH, temperature, and molar 

ratios, which will help in understanding the behavior of calcium impurities in concentrated 

magnesium sulfate solution. 

2. REVIEW OF RELATED LITERATURE 

2.1 Removal of calcium impurities 

Crystallization fouling is a common problem in domestic, commercial, and industrial processes 

where water is involved. Also known as scaling, it is caused by the crystallization of dissolved 

salts from the heat exchange medium onto the heat transfer surface of industrial processes. The 

crystallization results from the supersaturation of the salt solution due to the following: (1) the 

evaporation of solvent, (2) cooling of a solution containing otherwise soluble salts below their 

solubility temperature, (3) heating a solution of inverse solubility salts above the solubility 

temperature, and (4) mixing of solutions with different composition or variation of the solution’s 

pH [11]. The primary substances responsible for this problem are the carbonate and sulfate salts 

of calcium and magnesium [12]. The formation of mineral scales creates technical problems 

including pipe or valve blockage, under-deposit corrosion, and unscheduled equipment shutdown 

[13]. This leads to an increase in costs for industries due to higher fuel usage, production losses, 

and maintenance [14]. 
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Calcium sulfate and its hydrated forms are one of the major components of scale in many industrial 

processes [15]. Unlike many other salts, the solubility of calcium sulfate decreases with increasing 

temperature from 40 °C which is why most scale deposits are composed of calcium sulfate 

anhydrous (anhydrite) and calcium sulfate dihydrate (gypsum) [16]. Several studies have 

attempted to control the scaling process. These strategies include the addition of additives that 

slow down or inhibit the precipitation of calcium sulfate [17,18] and pre-treatment of the water 

source to remove the calcium and other ions responsible for the formation of scales in industrial 

and domestic processes [19]. 

2.2 Selective precipitation of calcium using additives 

Selective precipitation is a procedure of separating ions in an aqueous medium by using reagents 

that precipitate one or more of the target ions while leaving other ions in the solution. Numerous 

papers in the scientific literature investigated the use of additives in the removal of calcium from 

seawater desalination brines and effluents from the wastewater treatment process. Such additives 

include ethanol, carbon dioxide, sodium carbonate, sodium bicarbonate, sodium fluoride, sodium 

sulfate, and oxalic acid. 

An investigation of the solid-liquid equilibrium of water-ethanol-NaCl-CaSO4 at 25 °C was 

performed [20]. It showed that as ethanol concentration increases in the solution, the CaSO4 

solubility decreases. It concluded that it is possible to utilize ethanol to precipitate salts from brine 

samples to obtain more effective conversion in a reverse osmosis desalination plant. Kim and his 

colleagues developed a technology to recover magnesium from seawater desalination brine as high 

purity MgSO4 without calcium impurities. The recovery method consisted of pre-precipitation of 

Mg(OH)2 using alkali, preparation of Mg concentrate with sulfuric acid, and precipitation of 

MgSO4 using ethanol [8]. When the volume ratio of ethanol to Mg eluate was 0.4 and higher, most 

of the calcium ions precipitated in the form of calcium sulfate dihydrate (gypsum). Moreover, they 

stated that the two-step addition of ethanol ensures better removal of Ca2+ impurities without Mg 

loss than using the one-step addition of ethanol. The purity of the recovered MgSO4 was reported 

to be up to 99.8%.  

Chemical precipitation is an approach that offers significant advantages for the selective removal 

of calcium due to its ease of operation, low cost, and absence of secondary pollution [9]. Calcium 

ions (Ca2+) from nanofiltration retentate were removed through reactive unseeded precipitation 
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using sodium bicarbonate/sodium carbonate. The reduction of Ca2+ ions varied from 56 to 89% 

for initial pH values of 9.05 and 9.90. At this pH, the calcium carbonate precipitate was in the form 

of calcite [21]. The use of sodium carbonate was also investigated in the recovery of salts from 

brines in desalination plants. Na2CO3 was added at the first stage of reactive precipitation at pH 

9.2. The recovery of calcium reached about 95.5%, 89%, and 95% for seawater, Mediterranean, 

and Red Sea reverse osmosis brines, respectively [22]. Wang et al. introduced a modified sodium 

carbonate method to remove calcium from seawater and found that temperature was the most 

crucial factor affecting its efficiency. The optimum operating conditions were determined to 

include an equimolar dosage of sodium carbonate with a brine salinity of  >56 g/kg at 85 °C [23]. 

Oxalic acid was also used to extract calcium from seawater and brine solutions. Natasha and 

Lalasari investigated the effect of variations in the volume of oxalic acid at a constant 

concentration to form calcium oxalate [24]. The ICP-OES analysis of the filtrate from seawater 

showed a significant decrease from an initial calcium concentration of 826 ppm to 0.04 ppm, while 

brine water had a decrease from 170 ppm to 1.96 ppm [24]. Although effective in removing 

calcium ions, there is still a small number of magnesium ions that is co-precipitated when oxalic 

acid is used as the precipitant. Particle sizes of calcium oxalate and magnesium oxalate are also 

extremely small, resulting in difficulty for solid/liquid separation [25]. 

2.3 Ion-exchange 

Ion exchange is a process of exchanging ions from a solution with the ions that are electrostatically 

bound to the functional groups of an ion exchanger. Those groups can be in a solid matrix [26]. 

An ion exchange resin is an insoluble polymer matrix that is normally in the form of beads. The 

beads are typically porous to provide a large surface area and many accessible functional groups 

for the ion exchange process [27]. The functional groups are intended to interact with the ion of 

interest. Matrices could be made of polystyrene, polyacrylic, phenolic resin, or polyalkylamine 

resins. Resins can be classified either as cationic or anionic with different intensities of acid/base 

exchange abilities depending on the nature of their functional group [28]. 

Ion exchange resins are significantly utilized in commercial and industrial processes, particularly 

in water purification and metal ion removal in the chemical industry [29]. Removal of calcium and 

magnesium from lithium bicarbonate solution using Amberlite™ IRC 747 was investigated in a 
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study. The resin was reported to be a suitable material to remove calcium and magnesium ions 

from their sample solution [30]. 

Amberlite® IR 120 is a strongly acidic cation exchange resin consisting of polystyrene divinyl 

benzene polymer with sulfonic (-SO3H) functional groups [31]. The resin’s effectiveness in 

removing calcium was studied in the presence of magnesium and softening of waters [32,33]. It 

was found that this resin was more selective to calcium as compared to magnesium ions and a pH 

higher than 2.0 had the greatest effect on the selectivity of the resin [32].  

2.4 Ion-selective membranes 

Ion-selective membranes (ISMs) are polymeric membranes that exclude all ions except the ion of 

interest. ISMs are typically used in potentiometric sensors [34]. The membranes are composed of 

a matrix/supporting material, plasticizer, lipophilic salts, and the ionophore. The matrix component 

is usually made of high molecular weight poly (vinyl chloride) because of its low toxicity, strength, 

and chemical and redox inertness [35]. Plasticizers are used as additives to produce the desired 

flexibility and durability of the membrane. When added, plasticizers increase the volume of the 

membrane by embedding themselves between the chains of the polymer. As the plasticizer 

component of ISM is increased, the more flexible and durable the membrane will become. 

Plasticizers could be phthalates, ethers, or esters of either aromatic and aliphatic acids [36]. The  

main function of lipophilic salts is to improve the detection limit and selectivity of the electrodes 

and decrease the resistance of the sensing membrane [37]. Furthermore, ionophores are lipophilic 

complexing agents that can reversibly bind ions of interest. They may be charged or electrically 

neutral when not in the complex form [38]. The ionophore is responsible for ion selectivity and is 

the actual sensing component of the membrane [35]. 

The ionophore used in this study is calcium ionophore II or ETH 129 (Figure 1). It is a neutral 

carrier that forms a 1:3 cation/ionophore complex with Ca2+ and 1:2 complexes with Mg2+, making 

it highly selective for calcium rather than magnesium [39]. It was also reported to have little or no 

activity for the transport of Na+, K+, and Mg2+. Since ETH 129 contains no ionizable functions and 

forms cation complexes, the membrane potential is important in the case of this kind of ionophore 

[40]. 
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Figure 1. Calcium ionophore II (ETH 129). 
 

2.5 Inductively-coupled plasma – optical emission spectroscopy technique 

Inductively-coupled plasma – optical emission spectroscopy (ICP-OES) is an analytical technique 

used to identify the atomic composition of a particular sample. Samples are introduced as acid 

solutions and then nebulized into a stable stream to form a fine aerosol that is transported into the 

plasma by a carrier gas, typically argon. The sample will then undergo desiccation, vaporization 

to molecular gases, and dissociated into ionizable atoms. Atoms and ions become excited, and will 

thereafter revert to the ground state simultaneously emitting light that can be measured by an 

optical spectrometer. 

There are two geometries when measuring atomic emissions, the axial view and the radial view. 

The axial view is when the torch is turned 90° towards the spectrometer. This allows the 

measurement to achieve a lower detection limit. In radial viewing, the torch is perpendicular to the 

spectrometer, thus allowing better stability and higher precision during the analysis [41]. ICP-OES 

analysis has a limit of detection at the level of mg/L and µg/L which is in between the detection 

limit of  ICP-mass spectrometry (ICP-MS) and flame atomic absorption spectroscopy (FAAS) 

[42]. 

3. MATERIALS AND METHOD 

3.1 Materials 

Industrial-grade magnesium sulfate (MgSO4) solution and magnesium sulfate heptahydrate salt 

were obtained from industrial production. Magnesium sulfate anhydrous, calcium citrate 

tetrahydrate, oxalic acid anhydrous, sodium hydroxide (NaOH) pellets, calcium chloride 

anhydrous (CaCl2), poly (vinyl chloride) (PVC), 2-nitrophenyl octyl ether (o-NPOE), Calcium-
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Ionophore II, ethylenediaminetetraacetic acid (EDTA) disodium salt, sulfuric acid (H2SO4), nitric 

acid (HNO3), and hydrochloric acid (HCl) were purchased from Sigma Aldrich (Germany). The 

purity of all chemicals was of analytical grade. Amberlite® Ion exchanger IR-120 (strongly acidic 

cation exchanger) in the H+ form was purchased from Sigma Aldrich (Germany). All aqueous 

solutions for the experiments were made from deionized water from ELGA PureLab Ultra with 

resistivity of 18.2 MΩ∙cm. 

Before the industrial-grade magnesium sulfate solution was used for the experiments, it was first 

filtered using quantitative filter paper (4-12 um pore size, 589/2 Whatman Ashless Filter paper) to 

remove existing precipitates from the solution. The filtered solution was then transferred into a 

plastic container, labelled and stored at room temperature before use. A model magnesium sulfate 

solution (250 g/L MgSO4 and 500 ppm Ca) and a calcium solution (500 ppm Ca only) were also 

prepared for preliminary experiments. The calcium from these solutions were prepared from 

analytical grade calcium nitrate. 

3.2 Inductively coupled plasma – optical emission spectrometry (ICP-OES) 

The ICP-OES measurements were carried out with a PerkinElmer Optima DV equipped with an 

autosampler. The instrument was operated under suitable conditions and three wavelengths at axial 

and radial view were recorded for each element. The most suitable wavelength was selected for 

each element and the result was reported as the average of five measurements. Standard solutions 

of each element were also prepared and measured. 

Magnesium sulfate samples, namely industrial-grade magnesium sulfate solution and magnesium 

sulfate heptahydrate salt, were subjected to multi-element ICP-OES analysis. A 10 mL aliquot of 

the industrial-grade magnesium sulfate solution was transferred in a 100 mL volumetric flask and 

was diluted to mark with 1.5% (w/w) nitric acid solution. For the preparation of magnesium sulfate 

heptahydrate salt solution, 5 g of the salt was weighed and transferred to a 100 mL beaker. The 

salt was dissolved with 50 mL 1.5% (w/w) nitric acid solution. When the salt was fully dissolved, 

the resulting solution was transferred to a 100 mL volumetric flask and was diluted to mark using 

the same acid solution. The sample solutions were then stored at room temperature prior to ICP-

OES analysis. 
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3.3 Selective precipitation experiments 

Different additives (ethanol, sodium carbonate, oxalic acid, and sodium hydroxide) were used to 

selectively remove the calcium impurities from the industrial-grade MgSO4 solution. Precipitation 

of calcium was investigated for the addition of ethanol, sodium carbonate, and oxalic acid. Calcium 

retention in the filtrate was evaluated for the magnesium hydroxide produced after the addition of 

sodium hydroxide in the solution. 

Moreover, a 25% MgSO4 solution was prepared for ethanol experiments, while the rest of the 

experiments used the filtered industrial-grade MgSO4 solution. Since the precipitation using 

ethanol is based on the ionic strength of the solution, a 25% magnesium sulfate solution containing 

500 ppm calcium was used as the model solution for the industrial-grade MgSO4.  

3.3.1 Ethanol 

An aliquot of 10 mL 25% MgSO4 solution was transferred in a 20 mL glass vial. Different volumes 

of ethanol were added to the vial, as shown in Table 1. A small magnetic bar was added and the 

vial was tightly capped. The solution was then magnetically stirred at 600 rpm for 10 min. The 

prepared solutions were left to stand for 70-72 hours to facilitate the complete precipitation of 

calcium sulfate. The solutions were filtered by gravity using a quantitative filter paper (4-12 µm 

pore size, 589/2 Whatman Ashless Filter paper). The filtrate was collected in a 100 mL volumetric 

flask. After filtration, about 75 mL of deionized water was added to the flask followed by the 

addition of 2.145 mL of 70% nitric acid solution using an automatic pipettor. The solutions were 

diluted to mark by deionized water, mixed well, and transferred in a 250 mL plastic container for 

ICP-OES analysis. These solutions were prepared for calcium analysis. For magnesium and sulfur 

analysis, 0.8 mL was pipetted out from these solutions and transferred to a 100 mL volumetric 

flask. The flasks were diluted to mark with 1.5% (w/w) nitric acid solution. The diluted solutions 

were then stored in 250 mL plastic bottle container before ICP-OES analysis. 

Table 1. Treatments for ethanol addition. 

Ratio of ethanol to 

MgSO4 solution 
Code 

Volume of 

MgSO4 solution, mL 

Volume of 

ethanol, mL 

0:1 (Control) E1 10 0 

0.10:1.0 E2 10 1.0 

0.15:1.0 E3 10 1.5 

0.20:1.0 E4 10 2.0 



John Paulo Samin 

9 

 

3.3.2 Oxalic acid 

In a 20 mL vial, 8 ml of the filtered MgSO4 solution and 4.2 mL of 0.2M oxalic acid solution (pH 

7.0) were mixed. The molar ratio of calcium to oxalic acid was around 1:16. The pH of the 

solutions was adjusted to pH 8 and pH 9 using 1M NaOH solution. After the pH adjustment, the 

samples were left overnight to observe if precipitation occurs. Another set of experiments was 

conducted where the molar ratio of oxalic acid to calcium was doubled without pH adjustments. 

The solutions were left overnight to observe if precipitation occurs by increasing the amount of 

oxalic acid without pH adjustments. 

A third set of experiments was conducted to identify any possible precipitate observed in the 

previous experiments. About 20 mL filtered MgSO4 solution and 10 mL 0.2 M oxalic acid (pH 7) 

were magnetically stirred for 10 min at 850 rpm using a heating magnetic stirrer without heating. 

While mixing, the pH was adjusted to 9.0 using 1M NaOH solution and was, then, left to stand for 

48 hours. After 24 hours, one of the treatments was filtered using a quantitative filter paper (4-12 

µm pore size, 589/2 Whatman Ashless Filter paper). The filtrate was stored in a 25-mL centrifuge 

tube and was left to stand for another 24 hours to observe any further precipitation. The treatments 

are shown in Table 2. 

Table 2. Treatments for oxalic acid addition. 

Treatments Description 

W0 Control – no addition of oxalic acid (pH 9) 

W1 1:16 molar ratio calcium: oxalic acid (pH 9) 

W2 1:16 molar ratio calcium: oxalic acid (pH 9) – filtered twice 

 

3.3.3 Sodium carbonate 

For the carbonate experiment, 40 mL filtered MgSO4 solution (containing approximately 250 ppm 

Ca) was mixed with 40 mL 5 g/L Na2CO3 solution (1:7.6 molar ratio Ca:carbonate). The solution 

was then adjusted to pH 9.2 using 1M NaOH solution and the resulting solution was mixed for 10 

min at 600 rpm using a hotplate stirrer. The solution was left overnight to allow for precipitation 

to occur. After 24 hours, the solution was filtered and the filtrate was collected for ICP-OES 

analysis. 
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3.3.4 Sodium hydroxide 

In contrast to the previous precipitation experiment, the hydroxide approach was used to 

precipitate magnesium into its hydroxide form, while leaving the calcium ions in the solution. A 

10 mL aliquot of the filtered MgSO4 solution was measured using a volumetric pipette and was 

transferred to a 50 mL beaker. Then, 20 mL of 2 M NaOH solution was added dropwise using a 

25 mL burette to the magnesium sulfate solution. While adding the NaOH solution, the solution 

was magnetically stirred at 240 rpm using a magnetic stirrer. It was slowly stirred to prevent the 

formation of a thick gel-like suspension, which is difficult to filter. The mixture was then vacuum 

filtered using a Whatman filter paper (589/1 quantitative) and washed twice with 10 mL of 

deionized water. The precipitate was dried in an oven at 105 °C for 1 hour or until the precipitate 

was fully dried. A small amount of the precipitate was dissolved in 1.5% (w/w) nitric acid solution 

for ICP-OES analysis. 

3.4 Partial crystallization of MgSO4 solution through evaporation 

A 50 mL aliquot of the industrial-grade MgSO4 solution was measured using a 50-mL volumetric 

pipette and was transferred to a 100 mL beaker. The solution was then heated at 80 °C for 30 min. 

The solution was weighed before and after heating to estimate the percent of water evaporated 

from the sample, which was approximately 10% of the solution. After heating, the solution was 

cooled and 5 mL of the sample was taken initially for ICP-OES analysis using a syringe fitted with 

a syringe filter (Puradisc™, 0.45 µm polypropylene, 25 mm diameter). The solutions were left 

overnight to allow precipitation to occur. If a precipitate was observed, 5 mL of the supernatant 

was taken using a syringe fitted with a syringe filter and was prepared for ICP-OES analysis. 

3.5 Preparation of magnesium sulfate solution from the heptahydrate salt 

This method aimed to dissolve the magnesium sulfate crystals while leaving the calcium sulfate in 

the solid phase. About 15 g MgSO4 ∙ 7H2O salt was dissolved by pipetting out 50 mL of deionized 

water at different initial temperatures (2, 20, and 70 °C). The solution was magnetically stirred for 

5 min at 350 rpm. Any remaining solids were left undissolved. An aliquot was taken from the 

supernatant using a syringe fitted with a filter (Puradisc™, 0.45 µm polypropylene, 25 mm 

diameter) and was prepared for ICP-OES analysis.  
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3.6 Removal of calcium using ion-exchange resin 

Another method to selectively remove calcium impurities is through the use of a cation exchange 

resin. Amberlite® IR-120 ion-exchange resin in protonated form was used in this experiment. The 

resin was preconditioned by washing with deionized water three times to remove adhered 

impurities from the resin as described by Naushad and Al-Othman [43]. About 5.0 g Amberlite® 

IR-120 resin in H+ form was packed in a glass column with a fritted disc at the end. The column 

was washed 2-3 times with deionized water. About 10 mL of the magnesium sulfate at different 

pH (4, 5, and 8) was pipetted to the column and allowed to flow at a constant rate. The column 

was rinsed with 10 mL of deionized water and the effluent was collected in a 100-mL volumetric 

flask. About 75 mL deionized water was added to the flask followed by the addition of 2.145 mL 

of 70% nitric acid solution using an automatic pipettor. The solutions were diluted to mark by 

deionized water, mixed well, and transferred to a 250 mL plastic container for ICP-OES analysis. 

After every replicate, the resin was regenerated by adding 10 mL 8% hydrochloric acid (HCl) 

solution twice. The excess acid was then washed by 10 mL deionized water two times and the 

column was now ready for the next sample. Control solutions of magnesium sulfate adjusted at pH 

4, 5, and 8 were also prepared and subjected to ICP-OES analysis. 

3.7 Removal of calcium using a Ca-selective membrane 

Membranes with and without calcium-ionophore were prepared in a glass vial with compositions, 

as shown in Table 3. The membrane was composed of three components: PVC, plasticizer (2-

nitrophenyl octyl ether), and ionophore (ETH 129). The total mass of each membrane was 120 mg. 

About 2.5 mL tetrahydrofuran (THF) was added to each vial and vortex-mixed until all the 

substance was dissolved. The vials were then placed in a rocker to slowly shake the solution for 

an hour to ensure complete dissolution of the substances. 

Table 3. Composition of membranes. 

Substance 
Mass and percent composition 

Dummy membrane Calcium-selective membrane 

Polyvinyl chloride (PVC) 40.8 mg (34%) 38.6 mg (32%) 

o-NPOE (plasticizer) 79.2 mg (66%) 79.2 mg (66%) 

Calcium-ionophore II (ETH 129) 0.0 mg (0%) 2.4 mg (2%) 
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After shaking, the membrane solution was poured into a glass cylinder secured on a glass plate 

with a rubber band (Figure 2). The set-up was covered with a transparent glass tray and left for 3 

days to allow evaporation of THF. The resulting thin film membrane of approximately 0.38 mm 

thickness was carefully removed from the cylinder. The membrane was then fitted in between two 

cells made of polytetrafluoroethylene (PTFE). The source cell contained a solution of 0.01 M 

calcium chloride solution or industrial-grade magnesium sulfate solution and the receiving cell 

contained deionized water or 0.05 M EDTA (pH 8). Each cell contained 15 mL of each solution, 

as shown in Table 4. Samples were collected after 24 and 72 hr for the dummy membrane 

treatments, while samples with the Ca-selective membrane were collected after 24 and 48 hr. 

 
Figure 2. Set-up for membrane preparation. 
 

 
Figure 3. Ion-selective membrane set-up. 
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Table 4. Treatments for the removal of calcium using membranes. 

Membrane 
Composition 

Source cell Receiving cell 

Dummy membrane 
0.01 M CaCl2 solution Deionized water 

0.01 M CaCl2 solution 0.05 M EDTA (pH 8) 

Ca-selective 

membrane 

0.01 M CaCl2 solution Deionized water 

0.01 M CaCl2 solution 0.05 M EDTA (pH 8) 

10% MgSO4 solution Deionized water 

10% MgSO4 solution 0.05 M EDTA (pH 8) 

Original filtered MgSO4 solution Deionized water 

Original filtered MgSO4 solution 0.05 M EDTA (pH 8) 

 

3.8 Determination of Mg, Ca, and S contents using ICP-OES 

The samples were diluted in 1.5% (w/w) nitric acid solution and were analyzed for Mg, Ca and S 

content using the PerkinElmer Optima 5300 DV ICP-OES system. The samples were analyzed in 

triplicates against a blank containing 1.5% (w/w) nitric acid solution. All experiments were 

performed in triplicates except for the ion-selective membrane experiment. Data was reported as 

the mean of three measurements and their standard deviation.  

Moreover, some deviations on the expected stoichiometric ratio of some elements were noticed. 

The analysed concentration of sulfur was in many analyses noticeably higher than the 

concentration of magnesium (and other possible counter ions). Thus, the industrial-grade 

magnesium sulfate solution and magnesium sulfate heptahydrate samples were submitted for ICP-

OES analysis to external laboratories for comparison to the values reported in this study. It was 

observed that calcium and magnesium contents were smaller compared to the results from external 

laboratories, while sulfur content was higher for both samples (Appendix Table 2). The 

stoichiometric ratio of magnesium to sulfur reported in this study was about 1:1.3, while the 

external laboratory results were much closer to 1:1 and in better agreement with the expected ratio. 

4. RESULTS AND DISCUSSION 

The elemental composition of magnesium sulfate solution and magnesium sulfate heptahydrate 

salt from industrial production was determined using ICP-OES, as shown in Table 5. The 

magnesium sulfate solution contained a small amount of precipitate which could cause further 
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precipitation of magnesium sulfate through seeding. Filtration was therefore necessary to have a 

homogenous sample for the experiments. Initially, the MgSO4 solution appeared to be brownish. 

After filtration, the brownish solution turned clearer and a yellow to brown precipitate was 

observed on the filter paper. Moreover, the analysis of the filtered solution showed that the 

concentration of manganese had decreased from 0.23 mM to 0.04 mM (11 ppm to 2 ppm) after the 

filtration. Besides the yellowish precipitate, the unfiltered solution was observed to contain needle-

like precipitate after long storage. After filtration, no precipitate formation was found to take place. 

Magnesium sulfate heptahydrate salt (MgSO4 ∙ 7H2O) was used to prepare magnesium sulfate 

solution by partial dissolution, one of the approaches investigated in this study. Sample solution 

was prepared for ICP-OES analysis by fully dissolving 5 g of the salt in 1.5% (w/w) nitric acid 

solution. The result served as the baseline concentration for the partial dissolution experiments. As 

can be seen in Table 5, the magnesium sulfate heptahydrate contained a higher amount of 

magnesium, sulfur, and silicon, while calcium content was the same as for the MgSO4 solution. 

Calcium is often the main cause of scaling problems in the industrial processes because of the 

formation of its insoluble salts, calcium carbonate, and calcium sulfate dihydrate (gypsum). In this 

study, multiple methods were investigated to remove calcium from industrial-grade MgSO4 

solution. 

Table 5. Elemental composition of magnesium sulfate samples. 

Element 

Concentration 

MgSO4 solution, mol/L MgSO4 ∙ 7H2O salt, 

mol/kg Unfiltered Filtered 

Magnesium 2.25 2.24 3.73 

Calcium 0.0071 0.0063 0.0068 

Potassium 0.00194 0.00189 0.00049 

Manganese 0.00023 0.000039 0.000333 

Sodium 0.0052 0.0052 0.0012 

Leada <LOD <LOD ---b 

Sulfur 3.07 3.08 4.93 

Silicon 0.00036 0.00027 0.00068 
a Concentration below the limit of detection, LOD (<7.2x10-7 M). 
b Result cannot be calculated because lead concentration is below LOD. 
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4.1 Ca2+ precipitation by ethanol 

Addition of ethanol was evaluated as a method to precipitate calcium ions as calcium sulfate. 

Model magnesium sulfate solutions containing approximately 250 g/L magnesium sulfate and 500 

mg/L Ca2+ from Ca(NO3)2, were subjected to different volume addition of ethanol resulting in a 

0.1-0.30:1 ratio at 0.05 interval. At 0.25:1 and 0.30:1 ratio, the salt in the solution immediately 

started to precipitate after mixing. When left overnight, these mixtures fully precipitated (Figure 

4). 

 
Figure 4. Different volume ratios of ethanol and magnesium sulfate model solution. 
 

Another set of treatments was conducted with volume ratios of 0.1:1, 0.15:1, and 0.2:1 ethanol-

model magnesium sulfate (containing 500 ppm Ca2+ ions). The model solution had a pH of 8.0 at 

25 °C. The formation of the precipitate as a function of time after the addition of ethanol is shown 

by the sample replicate (together with the initial clear solutions) in Figures 5-8. The figures show 

the situation directly after ethanol addition (after mixing), after 15 min, after 30 min, and after 60 

min. Among the treatments prepared, one replication with 0.2 mL ethanol addition showed a large 

amount of precipitate after standing for 72 hours, as shown in Figure 8 (photo on the lower right). 

The treatment with the least amount of ethanol (0.1:1) added was observed to have the slowest rate 

of precipitate formation. Treatments with 0.15 mL and 0.20 mL ethanol addition resulted in turbid 

solutions immediately after mixing. After the precipitate was formed, it started to settle at the 

bottom of the container. The precipitate collected by filtration is shown as an example in Figure 9. 
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Figure 5. 0.1:1 v/v ethanol: model solution (Replicate 2). 
 

 
Figure 6. 0.15:1 v/v ethanol: model solution (Replicate 1). 
 

 
Figure 7. 0.20:1 v/v ethanol: model solution (Replicate 1). 
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Figure 8. Ethanol treatments after 72 hours. 
 

 
Figure 9. The collected precipitate from one replicate in 0.20:1 v/v ethanol: model solution. 
 

Figure 10 shows the magnesium, sulfur, and calcium content of the filtrates after the precipitation 

of calcium. The addition of ethanol did not significantly reduce the magnesium and sulfur content 

of the solution. The results obtained by ICP-OES are ca 20 % lower than the theoretically expected 

concentration of the prepared model solution, which should contain ca 50,000 ppm of magnesium. 

Washing of the filter paper during filtration was not done, because the precipitate redissolves when 

washed with deionized water. If ethanol was used for washing, more salt precipitated and there 

was more of it left in the filter. Therefore, part of the magnesium content in the solution remained 

in the filter paper during the process. Treatments with a 0.15:1 volume ratio and above were 

observed to form a lot of white precipitate after an hour. Thus, it might be recommended to store 

it for a shorter time after the addition of a larger amount of ethanol to prevent co-precipitation of 

magnesium. 
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Increasing the volume of ethanol added to the samples decreases the solubility of calcium sulfate. 

The calcium content in the model solutions was reduced up to 65.7%. This trend has also been 

reported by Gomis et al. (2013) while studying the solubility of calcium sulfate (CaSO4) in water-

ethanol mixtures in the presence of sodium chloride at 25 °C [20]. They also stated that increasing 

the ionic strength of the solution also increases the solubility of CaSO4. Thus, more ethanol must 

be added to precipitate calcium from solutions with high ionic strength. Besides the effect of ionic 

strength, ethanol can also precipitate magnesium sulfate from the solution when the ethanol: 

MgSO4 solution volume ratio is 0.4 or higher [8,44]. Thus, to achieve efficient removal of Ca2+ 

ions, it is necessary to know the ionic strength and magnesium composition of brine samples. From 

an industrial point of view, another limitation of this method is the cost of ethanol recovery and 

the safety hazard due to its flammable properties. 

 

Figure 10. Effect of ethanol addition on the magnesium, sulfur, and calcium contents of the model 

solution. 
 

4.2 Ca2+ precipitation by oxalic acid solution 

An initial test was carried out in an attempt to precipitate calcium in the form of calcium oxalate 

by the addition of oxalic acid. In Figure 11, more than equimolar amount of oxalic acid to calcium 

ions was added in each solution: model solution and 500 ppm Ca2+ solution. No precipitate was 
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observed from the model solution, while a white precipitate was formed in the 500 ppm Ca2+ 

solution upon the addition of oxalic acid.  

Another set of tests was performed using the filtered MgSO4 solution. Two solutions with molar 

ratios 1:8 and 1:16 of Ca2+ ions to oxalate were prepared using the filtered solution and oxalic acid 

(pH 7). After leaving the prepared solution for 1 day, no precipitate was observed. The next 

experiment was to test the effect of pH adjustment. The solutions (1:16 molar ratio Ca: oxalic acid) 

were adjusted to pH 8.3 and 9.4 using 1.0 M NaOH solution. After leaving the solutions to stand 

overnight, a precipitate was observed at both pH and the solution at pH 9.4 had a more turbid 

appearance, indicating that more precipitate was formed overnight. 

 

Figure 11. Solutions after mixing oxalate in excess: model solution (Left) and 500 ppm Ca2+ 

solution (right). 
 

Before identifying the precipitate, another set of solutions (1:16 Ca:oxalic acid molar ratio at pH 

9) was prepared and filtration was done twice for one of the solutions. This was performed to find 

out whether precipitation is already at equilibrium after 1 day of standing. The filtered solution, 

which was clear after the first filtration, became turbid again after 1 day. This signifies that there 

is the possibility of precipitation of other species than calcium oxalate in the solution. This was 

confirmed by the ICP-OES analysis, as shown in Figure 12. The results showed no significant 

difference in Ca content, while a slight decrease in Mg was observed for the solution after filtering 

twice. The identity of the precipitate could thus be magnesium hydroxide. The use of 1 M NaOH 

in the pH adjustment could be the reason for the formation of Mg(OH)2. Upon addition of the 

alkali, the hydroxide ions might have immediately reacted with the magnesium ions in the 

solutions to form an insoluble Mg(OH)2 before the pH of the solution reaches an equilibrium. 
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Moreover, calcium oxalate was not formed in the model solution because of its high Mg2+ content. 

According to Riley et al. [45], the presence of magnesium ions tends to destabilize calcium oxalate 

ion pairs and reduce aggregate size. Magnesium ion has a concentration-dependent inhibitory 

effect. This effect is also effective under an acidic environment in which calcium oxalate 

precipitates. 

 

 
Figure 12. Changes in magnesium, sulfur, and calcium content after filtration of precipitate. 
 

4.3 Ca2+ precipitation by sodium carbonate 

Among the additives, the addition of sodium carbonate did not produce a precipitate in the model 

solution (250g/L MgSO4 containing 500 mg/L Ca), while the opposite was observed for the 500 

mg/L Ca2+ solution (without MgSO4), as shown in Figure 13. Bubbling with carbon dioxide also 

did not produce any precipitate for the model solution. However, the pH of the solution was 

observed to decrease, which signifies that CO2 gas reacted with water in the solution to form 

carbonic acid species. 
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A white precipitate was observed when the solution containing 500 ppm Ca was used. The 

probable reason for this lack of precipitation in the model solution might be its high salt 

concentration (MgSO4). The presence of diverse salts increases the solubility of precipitates due 

to the shielding of the dissociated ion species [46]. Since the 500 mg/L Ca solution only contained 

a small concentration of calcium and nitrate ions, there was no shielding effect, thus, calcium 

carbonate precipitated in this solution upon addition of sodium carbonate. 

 

 

Figure 13. Solution after mixing with sodium carbonate: model solution (Left) and 500 ppm Ca2+ 

solution only (Right). 
 

Using filtered MgSO4 solution, the addition of sodium carbonate (1:5 molar ratio) still showed no 

formation of a precipitate. The experimental results agree with the literature. The ionic strength 

plays a vital role in the activity of ions in the solution. According to Di Lorenzo et al., increasing 

ionic strength decreases the activity coefficient of ions, as described by the Debye-Huckel and 

Davies equations; thus, calcite, a form of calcium carbonate becomes more soluble at higher 

salinity, and calcium and carbonate ions remain in the solution [47]. Additionally, the presence of 

MgSO4 itself in the solution inhibits the growth formation of calcite [48,49]. Nielsen et al. reported 

an inhibition index of 0.99 for calcite formation in the presence of 12.6 mM MgSO4 [50]. 

4.4 Ca2+ removal through magnesium hydroxide precipitation 

Precipitation of magnesium hydroxide was another route in this study to remove Ca2+ ions and 

other impurities in the solution. The addition of sodium hydroxide to a magnesium sulfate solution 
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was done so that ca 90% of the magnesium ions would react to hydroxide ions to form magnesium 

hydroxide. Excess hydroxide was avoided to minimize co-precipitation of Ca(OH)2 with Mg(OH)2. 

Results of the experiment showed that the calcium concentration remained the same for both 

samples, but the method concentrates the magnesium content effectively (Table 6). The Mg/Ca 

molar ratio increased from 362 for the filtered solution to 2393 for the Mg(OH)2 precipitate. The 

use of hydroxide to recover Mg was also reported to be effective by Pujiastuti et al. [51]. The 

removal of magnesium from their saturated salt solution was about 95.5% using 2 N sodium 

hydroxide. The washing process might also have aided in removing calcium ions that could be 

incorporated into the precipitate.  

Table 6. Elemental composition and Mg/Ca ratio of filtered MgSO4 solution and Mg(OH)2 

precipitate. 

Element 

Concentrationa 

Filtered MgSO4 solution Mg(OH)2 precipitate 

mg/L mol/L mg/kg mol/kg 

Calcium 239.62±2.91 0.00598±0.00007 218.59±4.49 0.0055±0.0001 

Magnesium 52673±325 2.17±0.01 317214±4125 13.05±0.17 

Sulfur 130010±760 4.05±0.02 75403±3911 2.35±0.12 

Sodium 119.1±1.6 0.0052±0.0001 26173±3271 1.14±0.14 

Potassium 73.9±1.2 0.00194±0.00001 <0.1 --- 

Manganese 2.16±0.02 3.9x10-5±4.0x10-7 19.5±1.1 3.5x10-4±2.2x10-5 

Silicon 7.49±0.05 2.67x10-4±2.0x10-6 3488±1655 0.12±0.06 

Aluminum <0.01 --- <0.01 --- 

Arsenic 0.42±0.01 5.61x10-6±1.33x10-7 <0.016 --- 

Cadmium <0.0008 --- <0.0008 --- 

Cobalt <0.02 --- <0.02 --- 

Chromium <0.02 --- <0.02 --- 

Copper <0.003 --- <0.003 --- 

Iron <0.0015 --- <0.0015 --- 

Nickel <0.05 --- <0.05 --- 

Lead <0.03 --- <0.03 --- 

Antimony <0.01 --- <0.01 --- 

Selenium <0.025 --- <0.025 --- 

Tin <0.03 --- <0.03 --- 

Zinc <0.002 --- <0.002 --- 

Mg/Ca ratio 220 362 1451 2393 
a Values reported as the mean of four replicates ± standard deviation. 
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This process might be an effective way to remove calcium and concentrate magnesium. However, 

the use of sodium hydroxide has one disadvantage. Mg(OH)2 particles are hydrophilic [52] and 

have high surface energy [53], which makes them agglomerate in an aqueous medium creating a 

very viscous suspension [54]. This makes the suspension settle very slowly and the final sediment 

is exceedingly difficult to filtrate [55]. 

4.5 Ca2+ removal by partial crystallization of MgSO4 solution 

Partial crystallization of the MgSO4 solution was tested through evaporation. The sample solutions 

were heated for a sufficient time to reduce their mass by 9-10%. It was observed that at this range 

of mass reduction, the solution produced a small amount of precipitate. Since the filtered solution 

is already near its saturation, reducing the mass by 15% and above causes full precipitation of the 

salts in the solution. The supernatants were then monitored for changes in magnesium, sulfur, and 

calcium content, and the results are shown in Figure 14. 

The calcium concentration did not decrease after crystallization, which signifies that the salt 

formed in the solution was not a calcium salt. The slight increase in Ca concentration can be due 

to the small amount of water lost through evaporation. The concentration of magnesium and sulfur, 

in contrast, showed a slight decrease in concentration. Thus, it can be inferred from the result that 

the identity of the salt is solid magnesium sulfate. 
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Figure 14. Changes in the magnesium, sulfur, and calcium content of the solution after partial 

crystallization. 

 

4.6 Ca2+ removal by partial dissolution of MgSO4 ∙ 7H2O salt 

The use of magnesium sulfate heptahydrate salt (MgSO4 ∙ 7H2O) as a starting material for 

producing magnesium sulfate solution was investigated. Partial dissolution was performed using 

deionized water at different temperatures. The procedure was made to leave some salts undissolved 

in the solution, especially salts with low solubility such as calcium sulfate dihydrate (gypsum). 

The results are shown in Figure 15. 

The magnesium and sulfur content of the samples showed no significant difference at different 

temperatures, while the calcium contents showed some significant difference. The solution 

prepared at low temperature had the lowest amount of dissolved Ca2+ ions, followed by the solution 

at 70 °C. The solution prepared at room temperature had the highest calcium content in its 

supernatant. This trend could be attributed to the effect of temperature on the solubility of calcium 

sulfate. According to Hoang et al. (2007), elevated temperature (>40 °C) speeds up the formation 

of calcium sulfate [56]. Shen et al. (2019) studied the thermodynamics behavior of CaSO4-H2O 

system up to 200 °C [57]. They stated that gypsum (CaSO4 · 2H2O) is stable at temperatures 

between 0 and 42.8 °C while above 43 °C, anhydrite (CaSO4) is the stable form. Thus, it explains 

2.44

3.93

6.93

2.30

3.68

7.57

0.00

2.00

4.00

6.00

8.00

10.00

Magnesium (M) Sulfur (M) Calcium (mM)

C
o

n
c
e
n

tr
a
ti

o
n

Partial Crystallization Treatments

Initial After 24 hr



John Paulo Samin 

25 

 

the higher concentration of calcium dissolved at room temperature as compared to the treatment 

at a higher temperature.  

 
Figure 15. Effect of temperature in the partial dissolution of MgSO4 · 7H2O salt. 
 

4.7 Ca2+ removal by ion-exchange resin 

Removal of Ca2+ by ion-exchange was also investigated. To study the effect of pH, different 

MgSO4 solutions at pH 4, 5, and 8 were prepared and eluted into a column containing five grams 

of Amberlite® IR-120 cationic exchange resin, originally in protonated (H+) form. The pH of the 

samples was adjusted by the addition of 0.05 M sulfuric acid and served as the control solution. 

A10 mL aliquot of the samples at each pH were eluted for 20 min and the eluent was collected for 

ICP-OES analysis. The results are shown in Figure 16. Overall, changing the pH of the sample 

solution did not show any significant difference in the calcium and magnesium content after the 

ion-exchange process. Amberlite® IR 120 is a strongly acidic cation exchange resin consisting of 

styrene-divinylbenzene with a sulfonic acid functional group. The sulfonic acid group gives the 

resin a higher affinity for divalent cations (Mg2+, Ca2+) and a low affinity for monovalent ions (H+, 

Na+) [58]. The obtained results showed that the resin was not selective for Ca2+ or Mg2+ ions. 

Around 30% of calcium was removed from the sample solution, while also removing 20% of the 

magnesium ions. Since the sample solution contains a high concentration of magnesium and an 

1.15

1.51

2.100

0.95

1.50

1.110.95

1.50 1.51

0.94

1.49

1.22

0.00

1.00

2.00

3.00

Magnesium (M) Sulfur (M) Calcium (mM)

C
o

n
c
e
n

tr
a
ti

o
n

Partial Dissolution Treatments

Theoretical

Cold water (2°C)

Room Temperature (20°C)

70°C



John Paulo Samin 

26 

 

exceedingly small amount of calcium, the ion-exchange process is not recommended for the 

removal of Ca2+ impurities. 

 
Figure 16. Effect of pH on magnesium and calcium contents using ion-exchange resin. 
 

4.8 Ca2+ removal by a PVC-based Ca-selective membrane 

A PVC-based calcium-selective membrane was tested for the removal of calcium. The prepared 

membrane was fitted in between the two cells. The source cell contained Ca2+ solution, while the 

receiving cell contained either deionized water or EDTA solution. The purpose of this 

investigation was to obtain selective transport of Ca2+ ions through the membrane. A dummy 

membrane was first prepared to check the migration of calcium ions without the help of 

ionophores. It was shown in Table 7 that there is only a small change in the calcium content in 

each cell, which signifies little to no transfer of calcium ions between the cells. Replacing 

deionized water with EDTA solution caused higher flux of Ca through the dummy membrane. 

However, the transport was slow, which might be due to the lack of ionophore that will carry the 

ion from the source cell to the receiving cell. 
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Table 7. Changes in calcium content in source cell (SC) and receiving cell (RC) using PVC-based 

dummy membrane. 

Treatments 
Calcium content, mMa 

24 hr 72 hours 

1 SC - CaCl2 solution 10.13±0.09 11.22±0.11 

RC - Deionized waterb <LOD <LOD 

2 SC - CaCl2 solution 10.18±0.11 10.60±0.14 

RC - EDTA solution (pH 8.0) 0.027±0.001 0.138±0.001 
a Values reported as the mean of five measurements± standard deviation. 
b Limit of detection (<7.5x10-7 M) 

 

Another membrane was tested for the removal of calcium ions but this time, Ca-ionophore II (ETH 

129) was added as one of the components in the membrane. The results are shown in Table 8. 

Although an ionophore was now included in the membrane, there was still no significant transport 

of calcium through the membrane. By using an EDTA solution in the receiving cell, the transport 

of calcium was slightly higher as compared to using deionized water in the receiving cell. This 

behavior is similar to that of the dummy membrane without the ionophore. According to Wang et 

al., the slow transport of calcium ions through the membrane could be due to the transport property 

of ETH 129 [40]. ETH 129 transports Ca2+ via an electrogenic mechanism in which the rate of 

transport is dependent on the membrane potential. Thus, there is a need for an applied potential to 

facilitate the transfer of calcium from the source cell to the receiving cell. 

Moreover, the membrane was supposed to selectively transfer only calcium ions, but it was 

observed that there was a minor transport of magnesium ions in treatments 5 and 6. The minor 

transport of magnesium ions can be related to the large excess of Mg2+ vs. Ca2+ due to the highly 

concentrated MgSO4 solutions. 

Table 8. Changes in the calcium and magnesium content in source cell (SC) and receiving cell 

(RC) using PVC-based Ca-selective membrane. 

Treatments 

Concentrationa 

Calcium, mM Magnesium, Mb 

24 hr 48 hr 24 hr 48 hr 

1 
SC - CaCl2 solution 9.85±0.12 9.82±0.11 <LOD <LOD 

RC - Deionized water 0.0087±0.0006 0.0158±0.0006 <LOD <LOD 

2 
SC - CaCl2 solution 9.85±0.10 10.09±0.05 <LOD <LOD 

RC - EDTA solution (pH 8.0) 0.0307±0.0005 0.0369±0.0007 <LOD <LOD 

3 SC - 10% MgSO4 solution 2.82±0.03 2.80±0.02 0.93±0.02 0.93±0.02 
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RC - Deionized water 0.0069±0.0002 0.0140±0.0002 <LOD <LOD 

4 
SC- 10% MgSO4 solution 2.74±0.03 2.82±0.02 0.92±0.01 0.93±0.01 

RC - EDTA solution (pH 8.0) 0.0114±0.0003 0.0216±0.0005 <LOD <LOD 

5 
SC- Filtered MgSO4 solution 6.23±0.05 6.28±0.06 2.20±0.03 2.23±0.03 

RC - Deionized water 0.0035±0.0001 0.0089±0.0002 6.71x10-5 5.37x10-5 

6 
SC - Filtered MgSO4 solution 6.30±0.12 6.32±0.09 2.22±0.03 2.23±0.03 

RC - EDTA solution (pH 8.0) 0.0137±0.0005 0.0254±0.0005 6.17x10-5 6.60x10-5 
a Values reported as the mean of five measurements± standard deviation. 
b Limit of detection (<2.1x10-8 M) 

5. CONCLUSION 

The removal of calcium ions as an impurity in industrial processes is an important step to minimize 

crystallization fouling. This study investigated different methods of removing calcium impurity 

from industrial-grade magnesium sulfate solution. The methods were selective precipitation using 

precipitating agents, partial crystallization, partial dissolution of magnesium sulfate heptahydrate 

salts, ion exchange, and ion-selective membrane. 

Among the precipitating agents, oxalic acid and sodium carbonate did not produce any calcium 

precipitate due to the high salinity of the solution. The presence of a high concentration of ionic 

species, especially magnesium ions, provided a shielding effect that prevented the interaction of 

calcium ions with the carbonates and oxalates to form precipitates. The addition of ethanol to the 

MgSO4 samples was successful in forming precipitates. The removal efficiency for calcium was 

found to be 65.7% for the mixture containing a 0.20:1.00 volume ratio of ethanol to sample 

solution. Ethanol would be a good precipitating agent for calcium. However, ethanol poses some 

safety risks owing to its flammable property. For sodium hydroxide, the process produced high 

purity magnesium precipitate with a Mg/Ca molar ratio that was six times that of the original 

solution. Thus, sodium hydroxide was the most promising among the precipitating agents studied 

for removing calcium from the sample. 

Partial crystallization of MgSO4 solution through evaporation produced magnesium sulfate 

crystals only. There was a decrease in the concentration of magnesium and sulfur, while no 

significant change in calcium concentration was observed in the supernatant. Therefore, it can be 

concluded that no calcium sulfate was co-precipitated or incorporated into the MgSO4 crystals. 

For the partial dissolution method, the difference in the temperature of deionized water showed an 
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interesting trend in the calcium content during dissolution. At 2 °C, the calcium dissolved from 

the heptahydrate salt of MgSO4 had the lowest concentration. This was followed by samples 

dissolved at 70 °C, while deionized water at room temperature produced the highest calcium 

content. Calcium sulfate decreases its solubility at high temperatures, which explained why 

dissolution at 70 °C had lower calcium content than at room temperature. 

A cation-exchange resin (Amberlite® IR 120) was also investigated. It revealed that the resin did 

not have enough selectivity between Ca2+ and Mg2+. About 30% of calcium was removed by the 

resin, but it also reduced the magnesium content by 20% in the sample. Since magnesium is in 

high concentration in the sample, the ion-exchange process is not efficient and not practical to use. 

Furthermore, the results for the Ca2+-selective membrane with ETH 129 (Ca-ionophore II) showed 

no significant transfer of calcium through the membrane from one cell to the other. ETH 129 was 

reported to transport Ca2+ ions through an electrogenic mechanism, which means that it is 

dependent on the applied potential in the membrane. That explains the lack of transport of Ca2+ 

ions using the ion-selective membrane. 

Among the methods investigated, selective precipitation showed to be the most promising process 

for calcium removal. Since the MgSO4 sample contained a high concentration of Mg2+ as compared 

to Ca2+, concentrating Mg2+ using sodium hydroxide was found to be the most effective approach 

to reduce the amount of Ca2+ ions in the solution.  
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7. APPENDICES 

 
Appendix Figure 1. (A) Unfiltered and filtered MgSO4 solution, (B) Residue during filtration, (C) 

Residue after drying. 
 

Appendix Table 1. Elemental composition of magnesium sulfate samples. 

Element 

Concentrationa 

MgSO4 solution, mg/L MgSO4 ∙ 7H2O salt,  

mg/kgc Unfilteredb Filtered 

Magnesium 54659 54483 90644 

Calcium 282.98 252.85 273.95 

Potassium 75.86 73.86 19.35 

Manganese 11.18 2.16 18.32 

Sodium 120.25 119.11 28.25 

Sulfur 98438 98845 158012 

Silicon 10.11 7.49 19.02 

Aluminum --- <0.01 --- 

Arsenic --- 0.42±0.01 --- 

Cadmium --- <0.0008 --- 

Cobalt --- <0.02 --- 

Chromium --- <0.02 --- 

Copper --- <0.003 --- 

Iron --- <0.0015 --- 

Nickel --- <0.05 --- 

Lead --- <0.03 --- 

Antimony --- <0.01 --- 

Selenium --- <0.025 --- 

Tin --- <0.03 --- 

Zinc --- <0.002 --- 
a Values (in mg/L and mg/kg) reported as the mean of five measurements. 
b Some elements were not analyzed. 
c Results for some elements cannot be reported because their concentration was below LOD. 
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Appendix Table 2. Comparison of ICP-OES results from different laboratories. 

Laboratories 
Concentration 

Magnesium, g/L Sulfur, g/L Calcium, mg/L 

Magnesium sulfate heptahydrate 

Analysis in this 

thesis 

90.6 158 274 

Laboratory A 107 143 302 

Laboratory B 100 130 500 

Magnesium sulfate solutiona 

Laboratories 

Concentrationb 

Magnesium Sulfur Calcium 

g/kg g/L g/kg g/L mg/kg mg/L 

Analysis in this 

thesis 

--- 54.7 --- 98.4 --- 283 

Laboratory A 50.6 64.3 61.2 77.7 297 377 
a Magnesium sulfate solution was only submitted to one external laboratory. 
b Laboratory A results were converted from g/kg to g/L using the sample density of 1.27 g/mL. 

 

Appendix Table 3. Effect of ethanol addition. 

Treatments 
Concentrationa 

Magnesium, g/L Sulfur, g/L Calcium, mg/L 

0:1 41.0±0.6 57.2±0.6 344.1±7.2 

0.1:1 41.1±0.9 57.5±0.3 178.8±4.7 

0.15:1 41.9±0.6 58.5±0.7 144.6±2.1 

0.2:1 41.0±0.5 57.9±0.5 117.8±0.5 
a Values reported as the mean of three replications ± standard deviation. 

 

Appendix Table 4. Changes in magnesium, sulfur, and calcium content after filtration of 

precipitate. 

Treatments 
Concentrationa 

Magnesium, g/L Sulfur, g/L Calcium, mg/L 

Control 59.7±0.4 100.2±1.5 235.7±3.7 

1:16 Ca: oxalic acid 

molar ratio 

58.7±0.8 101.2±1.5 238.4±2.2 

1:16 Ca:oxalic acid 

molar ratio (Filtered 

Twice) 

55.7±0.4 94.9±1.2 227.2±2.8 

a Values reported as the mean of three replications ± standard deviation. 
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Appendix Table 5. Mass reduction of magnesium sulfate solution during partial crystallization 

experiment. 

Replication 
Weight 

beaker (g) 

Wt. 

sample 

(g) 

Final Wt. 

Beaker 

and 

sample (g) 

Final 

Weight of 

sample (g) 

Weight 

difference 

(g) 

% Mass 

reduction 

1 53.30 63.03 110.82 57.52 5.51 8.74 

2 67.86 62.97 125.11 57.25 5.72 9.08 

3 49.75 63.11 106.65 56.90 6.21 9.84 

4 46.02 63.05 103.14 57.12 5.93 9.41 

 
Appendix Figure 2. Temperature increase of solutions during partial crystallization. 
 

Appendix Table 6. Changes in the magnesium, sulfur, and calcium content of the solution after 

partial crystallization. 

Treatments Concentrationa 

Magnesium, g/L Sulfur, g/L Calcium, mg/L 

Initial 59.3±0.8 125.9±1.5 277.8±2.0 

After 24 hours 55.8±0.6 118.0±1.4 303.3±5.4 
a Values reported as the mean of four replications ± standard deviation. 
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Appendix Figure 3. Precipitate formed from partial crystallization experiment after 24 hours. 
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Appendix Table 7. Effect of temperature in the partial dissolution of MgSO4 · 7H2O salt. 

Composition 

(mg/L) 
Theoretical content 

Treatments 

Cold water 

(2.3±0.2 °C) 

Room Temperature 

(20.6±0.5 °C) 

70 °C 

(70.3±0.1 °C) 

Magnesium, g/L 27.8 23.0±0.1 23.2±0.6 22.8±0.1 

Sulfur, g/L 48.5 48.1±0.3 48.2±1.2 47.7±0.5 

Calcium 84.2 44.6±8.2 47.7±0.5 48.8±2.0 

Sodium 8.68 6.41±0.23 6.41±0.23 6.09±0.18 

Potassium 5.94 4.18±0.18 4.06±0.27 3.78±0.14 

Manganese 5.63 <0.005 <0.005 <0.005 

Silicon 5.84 4.59±0.06 5.28±0.10 4.88±0.09 

Aluminum <0.01 <0.01 <0.01 <0.01 

Arsenic <0.016 <0.016 <0.016 <0.016 

Cadmium <0.0008 <0.0008 <0.0008 <0.0008 

Cobalt <0.02 <0.02 <0.02 <0.02 

Chromium <0.02 <0.02 <0.02 <0.02 

Copper <0.003 <0.003 <0.003 <0.003 

Iron <0.0015 <0.0015 <0.0015 <0.0015 

Nickel <0.05 <0.05 <0.05 <0.05 

Lead <0.03 <0.03 <0.03 <0.03 

Antimony <0.01 <0.01 <0.01 <0.01 

Selenium <0.025 <0.025 <0.025 <0.025 

Tin <0.03 <0.03 <0.03 <0.03 

Zinc <0.002 <0.002 <0.002 <0.002 
a Values reported as the mean of three replications ± standard deviation. 
 

Appendix Table 8. Effect of pH on magnesium and calcium contents using ion-exchange resin. 

Treatments Concentrationa 

Magnesium, g/L Calcium, mg/L 

pH 4 (control) 53.9±0.4 254.6±2.6 

pH 4 42.5±0.3 175.6±7.0 

pH 5 (control) 52.9±0.3 258.0±4.3 

pH 5 42.6±0.9 180.2±4.0 

pH 8 (control) 53.6±0.3 256.5±2.5 

pH 8 42.3±0.9 180.7±1.8 
a Values reported as the mean of three replications ± standard deviation. 
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Appendix Figure 4. Ion-exchange column set-up using Amberlite® IR-120 H+ form resin. 
 

Appendix Table 9. Changes in calcium content in source cell (SC) and receiving cell (RC) using 

PVC-based dummy membrane. 

Treatments 
Calcium content, mg/La 

24 hr 72 hours 

1 SC - CaCl2 solution 406.1±3.8 449.7±4.6 

RC - Deionized waterb <LOD <LOD 

2 SC - CaCl2 solution 407.9±4.4 424.9±5.5 

RC - EDTA solution (pH 8.0) 1.08±0.02 1.25±0.03 
a Values reported as the mean of five measurements± standard deviation. 
b Limit of detection (<0.03 mg/L) 
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Appendix Table 10. Changes in the calcium and magnesium content in source cell (SC) and 

receiving cell (RC) using PVC-based Ca-selective membrane. 

Treatments 

Concentrationa 

Calcium, mg/L Magnesium, g/Lb 

24 hr 48 hr 24 hr 48 hr 

1 SC - CaCl2 solution 394.9±4.8 393.7±4.3 <LOD <LOD 

RC - Deionized water 0.35±0.03 0.64±0.02 <LOD <LOD 

2 SC - CaCl2 solution 394.9±4.0 404.3±2.1 <LOD <LOD 

RC - EDTA solution (pH 8.0) 1.23±0.02 1.48±0.03 <LOD <LOD 

3 SC - 10% MgSO4 solution 111.2±1.3 112.3±0.7 22.7±0.4 22.6±0.4 

RC - Deionized water 0.28±0.01 0.56±0.01 <LOD <LOD 

4 SC - 10% MgSO4 solution 109.9±1.2 113.1±0.7 22.3±0.4 22.6±0.3 

RC - EDTA solution (pH 8.0) 0.46±0.01 0.86±0.02 <LOD <LOD 

5 SC - Filtered MgSO4 solution 249.6±2.2 251.7±2.3 53.6±0.8 54.2±0.8 

RC - Deionized water 0.14±0.01 0.36±0.01 1.63±0.10 1.31±0.09 

6 SC - Filtered MgSO4 solution 252.6±4.8 253.5±3.5 53.9±0.5 53.7±0.6 

RC - EDTA solution (pH 8.0) 0.55±0.02 1.02±0.02 1.50±0.08 1.60±0.09 
a Values reported as the mean of five measurements± standard deviation. 
b Limit of detection (<0.005 mg/L) 
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