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ABSTRACT 

Iron (ll)-Calcium Carbonate: Precipitation Interaction 

By 
Hamad a. Alsaiari 

Little attention has been paid to the reaction of mixed calcium-iron 

carbonate in solutions in comparison with the reaction of other solids such as 

calcium carbonate, calcium sulfate and barium sulfate. As a result, little 

information is presently available about the interaction and precipitation of iron 

carbonate and mixed calcium/iron. It is known that iron carbonate precipitation 

kinetics is sensitive to temperature. At high temperature (65 °C), a sharp drop in 

iron concentration was observed during the first minutes in a solution devoid of 

calcium. And the drop was gradual at 55 °C. However, adding calcium to the 

solution under the same conditions had a great influence in reducing the drop in 

iron concentration. The apparent increase in the solubility of ferrous iron was 

proportional to the concentration of calcium present in the solution. In addition, 

presence of calcium in solution also reduced the effect of temperature on siderite 

precipitation. On the other hand, the presence of iron did not show significant 

impact in the solubility of calcium. 

The cumulative and instantaneous molar ratio of ferrous iron to calcium in 

the precipitated solid was found to be varied based on the molar ratio of calcium 

and iron ions in the inflow stream and the amount of siderite that initially 

precipitated. The relation between the molar ratio of the calcium to iron in solid 

and in influent was calculated. It found to be 2.39. 
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The X-ray diffraction analysis showed that the presence of ferrous iron 

inhibited the growth of calcite but did not prevent the formation of aragonite. The 

crystal shape of siderite, showed by scanning electron microscope, was 

completely different from that of calcite and the crystal shape of the solid 

collected in the co-existence of ferrous iron and calcium varied based on the 

molar ratio of iron to calcium in the solution. 
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CHAPTER 1 

INTRODUCTION 

1.1 Problem Statement: 

Calcium carbonate and iron carbonate minerals are widely observed in oilfield 

industry. They are also common carbonate salts typically found in the municipal 

water and wastewater industries. Calcium is commonly present in the formation 

brine while iron could either be inherently present in the formation brine or released 

from the formation rock and production strings due to intervention treatments and/or 

corrosion process. 

There is a close relation between the formation of scale and the corrosion. 

Ferrous carbonate deposit has been recognized as protective layer that effectively 

inhibits or reduces the corrosion rate [Foss, 2006 and Dugstad et al., 2001]. Also 

positive scaling of calcium carbonate in the pipe wall of municipal water is often 

advocated as a mean of corrosion mitigation [Marril et al, 1977]. However, recent 

evidences suggest that ferrous carbonate may be more important to forming an 

adherent protective layer. Both iron carbonate and calcium carbonate formation can 

be useful for corrosion control. On the other hand, excessive formation of either 

minerals is found to have an adverse effect on tube plugging. They may accumulate 

in the pumps; valves and production strings, which eventually cause a sever decline 

in the fluid flow. Also their suspended particles in water, especially in the water 

injection, may cause formation damage [Salma 2000 and Przybylinski 2001]. 

Therefore, understanding of their chemistry is an important element in the water and 

oil industries. 
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Most of previous studies have reported results about the kinetics of calcium 

carbonate solubility and deposition. Few reports have been found about ferrous iron 

carbonate precipitation. This is probably due to the difficulties of establishing an 

anoxic system to precipitate ferrous carbonate in the laboratory [Przybylinski 2001]. 

In spite of the fact that formation of mixed scale of both calcium and iron carbonate 

has been observed in several oil wells and water treatment plants, not enough 

results have been presented in the literature showing the interactions of both 

simultaneously. 

1.2 Outline of Previous Studies: 

Earlier studies, conducted by Johnson and Tomson, investigated the kinetics 

of pure iron carbonate and how they impact oilfield corrosion [Jonson et al., 1991 

and Tomson et al., 1991]. Braun studied the solubility of pure iron (II) carbonate at 

different temperatures and reported that the rate-determining step of the dissolution 

reaction is FeC03(S) + H+ = Fe2+ + HC03" [Braun, 1991]. Also Greenberg et al., 

studied the solubility and dissolution of pure iron carbonate at different temperatures 

[Greenberg et al., 1992]. A study, conducted by Herzong et al., investigated the 

effect of iron oxide particles and ferrous iron on the calcium carbonate nucleation 

and growth at room temperature [Herzong et al., 1989]. He found that a trace 

concentration of Fe2+ strongly inhibited the calcite growth but not aragonite growth 

and also inhibited the transformation of aragonite into calcite. Similar results have 

been also reported by Langerak et al. , during his study of the influence of 

phosphate and iron on the extent of calcium carbonate precipitation during 
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anaerobic digestion at 30 °C [Langerak et al., 1999]. The influence of impurities on 

the growth rate of calcite at 20 °C was studied by Meyer [Meyer, 1984]. He found 

that Fe (II) had the lowest concentration, among the tested impurities, required to 

halve the initial growth rate. Sung et al. conducted a column experiment to assess 

the treatment capacity of Feo under different geochemical conditions. He found that 

the major reaction product in the columns receiving deionized water was magnetite-

maghemite, and the main products for the columns receiving dissolved calcium 

carbonate were iron hydroxyl carbonate and aragonite [Jeen et al., 2007]. It has 

been previously reported that the presence of ferrous iron has an inhibiting effect on 

calcium carbonate formation. However, this observation still controversial due to the 

change in the experimental condition. Graham reported that ferrous iron has adverse 

effect on the performance of scale inhibitor (phosphonate-based inhibitor) to prevent 

calcium carbonate scale in oilfield. This was explained by the formation of soluble 

iron phosphonate that reduces the activity of the inhibitor in the solution and the 

precipitation of insoluble iron phosphonate inhibitor that cause to remove the 

inhibitor from the solution. [Graham et al., 2003] 

1.2 Objective: 

As mention above, most of the previous studies either have investigated only 

the precipitation of pure iron carbonate, pure calcium carbonate or the effect of iron 

in the calcite precipitation only at low temperature (room temperature). Whereas, 

oilfields have temperatures higher than 45 °C. Also, most of the published reports 
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did the study only in batch systems and did not investigate the effect of continuous 

feeding of the constituents. Therefore, this work was intended to: 

• Studying the interaction between ferrous iron and calcium in a supersaturated 

alkaline solution and investigate the influence of each constituents (Fe2+ and 

Ca2+) on the solubility of iron carbonate and calcium carbonate at high 

temperature (55 - 65 °C) in both batch system (BS) and continuous stirred 

tank reactor (CSTR). 

• Determining experimentally the actual molar ratio of ferrous iron to calcium in 

the precipitated solid. 

• Comparing the crystalline shape of pure iron carbonate, calcium carbonate 

and mixed solid of iron-calcium carbonate. 
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CHAPTER 2 

BACKGROUND 

2.1 Definition of Scale: 

Water is always the main element in the process of solid's dissolution and 

deposition. In most cases the phenomenon of solid deposition, especially in 

municipal water industry and oilfield industry is called scale [Cowan and Weintritt, 

1976]. The general usage of the term scale denotes hard adherent deposits of 

inorganic mineral constituents of water that formed in place. Scale formation is not 

new. Nineteen centuries ago the Romans experienced calcium carbonate scale in 

their aqueducts and canals [Underhill, 1969]. The problem still exists today. 

Literature in the subject of water is abundant and publications on specific 

aspects of water usage are also widely available. There are a lot of books, texts, 

handbooks and operating manuals and other compilations on the subject of 

corrosion. On the other hand, there is not a compilation devoted exclusively to scale 

deposits in water handling systems. Indeed, the threat of deposition, especially with 

respect to desalination and oil field water treating problems engages all the skills of 

the technologist. [Cowan and Weintritt, 1976] 

2.2 Scale Problems and Benefits: 

Formation of mineral scales may cause huge operational problems. It causes 

production losses by reduced heat transfer rate in equipment such as boilers, steam 

generators, evaporators, exchangers, engine jacket, etc. The thermal conductivity of 
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most scale deposits is considerably less than that of steel, and the consequence of 

such deposits, even extremely thin ones, is the insulating effect. Therefore, if the 

scale forms, the temperature has to be higher in order to compensate for the 

insulating effect of the scale [Strandberg, 1971]. 

Scale also can drastically reduce the carrying capacity of the pipelines and 

other vessels due to decrease in their effective diameter. The effective decrease in 

the diameter of a pipe is more pronounced with smaller amounts of scale in smaller 

diameter pipe. Equipment life can be shortened by corrosion process. Costs can 

also be increased by the need for more frequent cleaning and added pumping 

requirements. 

Scale and other deposits are key problems in the petroleum industry where 

substantial amounts of water are produced with hydrocarbons. The wells in the oil 

industry are deeper and more expensive. The cost of workover rigs to remove the 

scale is about $25,000/ day [Cowan and Weintritt]. It is also import to put to the 

consideration the cost that might results from the decline of production due to scale 

formation, especially when the price of the barrel of oil exceed $100. Equipment 

free of scale operates more efficiently and economically. It is difficult to quantify the 

severity of the scale problem. In fact, it varies. In some cases it may take months to 

years for detrimental scale deposits to form. In other cases it is not unusual for 

dangerous scale to form within a matter of hours or days, restricting operation and 

resulting in a shutdown. 

As the reuse of water accelerates and we contaminate it with by-product from 

our increasingly complex industrialized society, it is likely that the scale problem will 
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increase in severity and frequency [Cowan and Weintritt 1976]. In cooling waters the 

major causes of scale and deposit problems are evaporation, which causes 

concentration of solid, temperature changes and pressure drops. The major causes 

of such deposits in boilers and steam generator are concentration factors and 

increases in temperature. These factors, as well as pressure drops, commingling of 

incompatible waters, pH changes, and temperature changes are the major causes of 

scale deposition in oil and water industries. 

Although in most cases the mineral scale deposits are a problem, in some 

cases it is not a bad issue. Some times it is beneficial under controlled conditions. It 

is produced intentionally by adding scale forming chemicals to water. The durable 

scale coating incontestably lengthens the service life of water mains by protecting 

the interior surface from corrosion and tuberculation. In some cases including 

reaction and mixing chamber through which a supersaturated solution of proper salt 

is circulated and delivered through the pipe to be lined [Primus 1969]. Figure 2.1 

shows a thin layer of iron sulfide scale formed on a production tubing in one of the 

water supply wells with gas lift in Saudi Arabia [Nasr-EI-Din et al. 2001]. The thin 

layer can function as protective film against corrosion. 
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Figure 2.1: A thin layer of iron sulfide scale formed on a production tubing in one of 
the water supply wells with gas lift in Saudi Arabia, [Nasr-EI-Din et al. 2001]. 

2.3 Types of Scales: 

Numerous types of deposits in the water industry have been reported in the 

literature. Some of them are easily to remove by chemical and mechanical means 

while others are very difficult to handle and require special treatment. The presence 

of each type is governed by several factors such as the content of water and gas, 

and the operational conditions. Calcium carbonate, calcium sulfate, barium sulfate, 

iron oxides, iron sulfides and iron carbonate are the deposits commonly present in 

municipal water and oilfield industries. Because this work is dedicated to study the 

interaction between the calcium carbonate and iron carbonate in solution, more 

information about them will be covered. 
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2.3.1 Calcium Carbonate Scale: 

Ubiquity of calcium carbonates makes it plays an important role in our life. It 

builds our world (cement), shapes our education (chalk), and pains our bodies 

(gallstone). It exists in extensive geological deposits. The dissolution of calcium-

containing geological features by natural water represents the most common source 

of soluble calcium in water [Cowan and Weintritt 1976]. Calcium carbonate 

extensively occurs in the form of limestone and dolomite (magnesium-calcium 

carbonate) rocks [Rice and Partridge 1939]. 

Carbon dioxide gas has a particular importance in the calcium carbonate 

cycle. In aqueous solution, carbon dioxide exists in many forms. First, it simply 

dissolves to the water. 

C02(g) ^C02(aq) Eq. (2.1) 

Under specific condition, water in contact with air will readily absorb CO2 gas which 

converts to a weak carbonic acid: 

C02 {aq) + H20 (/) -> H2C03 («,) Eq. (2.2) 

Only about 1% of the dissolved C02 exists as H2C03 [ Shakhashiri 2008 ]. Carbonic 

acid is a weak acid, which dissociates in two steps: 

H2C03 -> H+ + HCO3" , Kai =4.2 x 10"7 Eq. (2.3) 

HCO3" -> H+ + CO32" , Ka2 = 4.8 x 10"11 Eq. (2.4) 
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Although water can adsorb CO2 gas from the air, it is thought that the major 

portion of CO2 gas in water comes from the contact of water with decaying matter in 

the soil. High concentrations of carbon dioxide are usually present in oil and gas 

wells. The solubility of CO2 in water in a typical oil and gas well decreases with the 

increase in temperature with depth, but increase with the increase in pressure with 

depth, Figure 2.2 [Grabau 1920]. 
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Figure 2.2: Solubility of C02 gas at various depth of a typical oil well [Cowan 
1976 and Grabau 1920]. 

The weak carbonic acid formed from the contact of the CO2 with water can readily 

dissolve certain minerals such as calcium carbonate to form the soluble calcium and 

bicarbonate ions: 

CaC03 + H2C03 <r> Ca^+ + 2 HCO Eq. (2.5) 
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Table 2.1 below shows the chemical analysis of produced water from an oil well 

from sandstone reservoir in Saudi Arabia. Since the formation rock was mainly 

sandstone (69-97 %) and has very low calcite (1%), it has low calcium concentration 

in the formation brine (734 mg/L) [ Alsaiari et al. 2004 ]. 

Table 2.1: Chemical composition of the produced water from oil well [Al-Saiari et al. 
2004, NACE-4385]. 

Variable 

Na 

Ca 

K 

Mg 

Sr 

CI 

S04 

HCO3 

pH 

TDSb 

Value, mg/L 

2,025 

734 

57 

88 

19 

3,548 

1,246 

323 

8.2 

8,040 

High calcium concentration up to thousands can be found in water produced from 

limestone formation. Al-Qahtani reported the analysis of produced water of several 

oil wells in a calcite reservoir producing from several zones in Saudi Arabia. It 

formation contained 70-100 wt% calcite, 0-30 wt% dolomite and 0-5 wt% ankerite. 

Due to high calcite content in this reservoir high calcium concentrations were found 

in the produced water where it ranged from 4000 to 16,600 ppm, Table 2.2. Figure 
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2.3 shows calcium concentration in the produced brine over a period of more than 

100 days in one of the oil wells of the aforementioned reservoir [Al-Qahtani et. al., 

2003]. Thus, the above reaction (Eq. 2.5) will allows calcium carbonate to dissolve, 

transported and, under certain conditions, redeposit again at some point as calcium 

carbonate. 

Table 2.2: Chemical composition of the produced water from oil wells in calcite 
reservoir [Al-Qahtani et al. 2003]. 

Variable 

Sodium 

Calcium 

Magnesium 

Chloride 

Sulfate 

Strontium 

Bicarbonate 

TDS 

pH 

S.G. 

Z-A, mg/L 

15,530 

4,011 

620 

31,879 

576 

214 

727 

53,557 

7.1 

1.03 

Z-B, mg/L 

68,842 

16,640 

2,371 

142,272 

273 

727 

137 

231,262 

6.3 

1.14 

Z-C, mg/L 

23,007 

4,854 

1,064 

46,250 

965 

175 

400 

76,540 

6.7 

1.055 
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Figure 2.3: Calcium concentration in the produced water of oil well in calcite 
formation, [Al-Gahtani et al. 2003]. 

Calcium carbonate is by far the most common scale. Almost all naturally 

occurring waters contain some soluble calcium, and simple with air or decaying 

organic matter will expose this calcium varying concentrations of carbon dioxide. 

The result of this combination is a potential precipitate that can adhere and form 

scale at some point in the water use cycle. 

The problem of calcium carbonate scale is of major industrial importance. It is 

a significant problem in the production of oil and gas and in water wells. Although it 

is one of the easiest types of scale to handle, it can still present major operating 

problems. Figure 2.4 shows sever calcium carbonate scale deposit covering pump 

intake in oil well in Saudi Arabia. This scale formed down-hole due to changes on 

pressure and temperature. 
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Figure 2.4: Photos a & b show calcium carbonate scale covering pump intake. 
[Nasr-EI-Din et al., SPE-100456, 2006]. 

Most of subsurface waters produced with hydrocarbons contain large amount of 

calcium and other ions. They also contain high concentration of bicarbonate ions as 

a result of high CO2 partial pressure. The fluids are commonly produced from 

limestone, dolomites, or sandstones that have been cemented with CaCC>3. These 

rock sources, along with bacteria and an abundance of organic sources coupled with 

temperature and pressure, provide enough carbonic acid to form soluble calcium 

bicarbonate [Cowan and Weintritt 1976]. When the well produced in such formation, 

the water associated with the fluid undergoes pressure drops, pH changes, 

temperature changes, etc., and the end result is the precipitation of CaC03 scale in 

some parts of this unstable system. Therefore, all production of subsurface fluids (oil 

and gas or water) results in some solids deposits. 
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2.3.2 Chemistry and Structure of Calcium Carbonate: 

Calcium carbonate occurs in several polymorphic forms. They are, in order of 

increasing solubility, calcite, aragonite, vaterite, hydrated calcium carbonate and 

amorphous calcium carbonate. Most of the calcium carbonate in the world presents 

as calcite or aragonite. Occasionally vaterite, metastable form of CaCC>3, occurs 

naturally and as scale. These forms are reversible under certain conditions depends 

upon the temperature, salinity, pressure and impurities, but calcite is the most stable 

[Plummer and Busenberg, 1982]. Table 2.3 shows the solubility products of different 

types of calcium carbonate at 30 °C [Plummer and Busenberg, 1982; Kralj and 

Brecevic, 1995; Brecevicand Nielsen, 1989]. 

Table 2.3: Solubility product of different types of calcium carbonate at 30 °C. 

Type of calcium carbonate 

Calcite3 

Aragonite3 

Vaterite3 

Monohydrate CaC03
b 

Amorphous CaC03
c 

Solubility, mol2dnT6 

1 0-8.4 

1 Q-8.2 

1 0-7.9 

1 Q-7.2 

1 Q-65 

a: [Plummer and Busenberg, 1982] 
b: [Kralj and Brecevic, 1995] 
c: [Brecevicand Nielsen, 1989] 
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Calcite is the thermodynamically stable calcium carbonate polymorph, however, 

formation of the other metastable phases during spontaneous precipitation from a 

supersaturated solution is common [Langerak et al., 1999; Kabasci et al., 1996]. 

Calcite and aragonite groups are the two main groups of carbonate mineral 

that occur as scale. The calcite group forms hexagonal crystal system and include 

calcite (CaC03), dolomite (Ca-MgC03), magnesite (MgC03), and siderite (FeC03). 

While the last three members rarely occur as scale, their member ions are frequently 

found with calcite. The, second group, aragonite group crystallizes in the 

orthorhombic system and includes aragonite (CaC03), strontionite (SrC03), and 

witherite (BaC03). [ Cowan and Weintritt 1976] 

The presence of impurities can have important consequences on the 

formation and transformation behavior of the metastable phases [Langerak et 

al.,1999 ; Verdoes, 1991]. The habit and crystal shape of calcium carbonate vary 

due to the substances present in solution. Larger crystals are precipitated in the 

presence of KCI or NaCI than in the presence of K2S04 [Kohlschutter et. al. 1925]. 

Bivalent Mg and Sr salts, below 30 °C modify the shape of calcite crystals, although 

such crystal forms are considered unstable. The crystal size may be intentionally 

modified by the use of chemical additives. Therefore, forcing growth and 

modification of crystal shape to particular direction, such as calcite to aragonite, is a 

commercial application of natural process. 

Kitano identified six factors that influence the mineralogy of carbonate 

sediments. The first is the inorganic ions, including hydrogen, hydroxide and carbon 

dioxide in the mother solution. The second is organic material. Third is mechanical 
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condition. Forth is the enzymes and bacteria. Fifth is the temperature and finally the 

sixth is the polymorphic transformation [Kitano 1962]. Also in his study, he showed 

the influence of various inorganic ions in the polymorphic forms generated. His 

principal conclusions were that the addition of alkali chloride to the solution resulted 

in the formation of calcite and inhibition of aragonite. Also when the pH of the 

solution containing inorganic salts of various concentrations was increased with 

NaOH, only calcite was formed. Also an increase in Na2S04 concentration favored 

aragonite formation as did magnesium ion. The strontium and barium were always 

entrained in the CaCC>3 precipitate and that at high concentration aragonite and 

vaterite were formed. 

2.3.3 Iron-Based Scale: 

Iron compounds in water considerably have more complicated chemistry than 

alkaline earth carbonate and sulfate scale material. It is one of the common 

elements in the earth's crust. Iron has two oxidation state; ferrous iron (Fe2+) and 

ferric iron (Fe3+). Ferrous iron is partially oxidized while the ferric iron is fully 

oxidized. The reaction of the same anion with these two different states of iron 

results in compound with significant differences in solubility. Therefore, the oxidation 

state contributes in part in the complexity of the scale formation of iron compounds 

[Cowan and Weintritt 1976]. 

Iron concentration in the produced water varies based on the type of the 

formation. Table 2.4 shows iron concentrations in some of water wells and springs 

Rice University 17 



tabulated by Nordell [Nordell 1961]. The highest iron concentration in the table is 50 

ppm. 

Table 2.4 :lron concentrations in some of water wells and springs tabulated 
by Nordell [Nordell 1961] 

Location 

Alexandria, 
Va. 

Annapolis, Md. 

Arlington, Va. 

Asbury Park, 
N.J. 

Ava, III. 

Bartlett, Tex 

Bassetts, Va 

Bicknell, Ind. 

Clarendon Hill, 
III 

Copper Hill, 
Tenn. 

Felida, Wash 

Florence, Ala. 

Geary, Okla. 

Goleto, Calf. 

Grayson, La. 

Well or 
Springs 

Well 

Well 

Well 

Well 

Well 

Well 

Well 

Well 

Well 

spring 

We 

Well 

Well 

Well 

Well 

Iron 
(ppm 
Fe) 

2.5 

30 

22 

1.8 

0.8 

2.0 

17.0 

14 

2.0 

0.8 

2.0 

1.5 

1.6 

1.3 

50 

Expressed as ppm of CaC03 

Hardne 
ss 

30 

49 

184 

83 

408 

270 

90 

425 

486 

117 

146 

70 

126 

385 

26 

Ca 

-

-

-

42 

256 

163 

295 

253 

-

-

49 

-

-

-

-

Mg 

41 

152 

107 

-

130 

233 

-

-

21 

-

-

-

Na 

2 

22 

104 

250 

110 

118 
0 

37 

9 

91 

-

82 

34 

214 

498 

118 

HC03 

7 

26 

82 

4 

362 

406 

57 

236 

363 

19 

215 

62 

261 

385 

56 

CI 

6 

6 

131 

263 

14 

600 

37 

9 

4 

22 

7 

17 

35 

198 

80 

SO 
4 

16 

39 

75 

66 

142 

453 

33 

189 

210 

-

6 

25 

44 

300 

8 

C02 

45 

75 

83 

100 

80 

31 

70 

35 

85 

43 

24 

25 

12 

40 

80 

PH 
value 

5.5 

5.9 

6.3 

5.0 

7.0 

7.4 

6.3 

7.1 

6.9 

5.9 

7.2 

6.7 

7.6 

7.3 

6.3 
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Produced water in oil and gas wells rarely contains iron concentration higher than 

100 ppm unless the well is subjected to corrosion or acid treatment. Acidizing raises 

the concentration of iron by increasing its solubility to manifolds and also the 

additives used in the acid that prevent dissolution and subsequent deposition of iron 

when the acid neutralized. Nasr-el-din et al. reported the concentration of iron in the 

flow back sample after acid treatment to remove calcium carbonate scale, Figure 

2.5. Although there was no detectable iron in the produced water and water used for 

mixing, the iron concentration rise to approximately 4000 mg/L in the flow-back 

samples as a result of reaction of acid with the formation rock and production tubing, 

Figure 2.5 , Tables 2.5 and 2.6 [Nasr-EI-Din et. al. SPE-77767, 2002]. 

5000 

4000 
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™ 3000 

c 
o 
k_ 
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o 
H 

1000 

0 

0 200 400 600 800 1000 1200 

Flowback Time, min 

Figure 2.5: Iron concentration in flow back samples after acid treatment to remove 
calcium carbonate scale, [Nasr-EI-Din, et. al. SPE-77767, 2002]. 
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Table 2.5: Chemical Analysis of the Field Mixing Water, [Nasr-EI-Din et at. 2002, 
SPE-77768]. 

Variable 

Potassium 

Sodium 

Calcium 

Magnesium 

Chloride 

Sulfate 

Total Iron 

PH 

Field Mixing Water 

NA 

509 

320 

64 

1,078 

724 

<1 

8.2 

Preflush3 

30,310 

629 

331 

79 

33,754 

633 

<1 

8.3 

Table 2.6: Mineralogy of Reservoir Rocks, [Nasr-EI-Din et at. 2002, SPE 77768]. 

Mineral 

Quartz 

Na-feldspar 

K-feldspar 

Anhydrite 

Kaolinite 

Chlorite 

lllite/smectite 

Calcite 

Ankerite 

Concentration Range, wt% 

68-97 

0-19 

0-6 

0-4 

0-8 

0-1 

0-13 

0-1 

0-7 
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Iron carbonate (siderite) is one type of iron scale which occurs in oil and gas wells. It 

has low solubility, 2.8x10"11 at 25 °C [Sawyer et al 2003]. The process of formation 

of iron carbonate is quite similar to that of calcite. When the water has large 

quantities of dissolved carbon dioxide, it dissolves iron from the formation containing 

iron carbonate. Therefore, the soluble iron presents as iron bicarbonate. This 

happens in oil and gas reservoir where iron presents as ferrous in the absence of 

oxygen. Deposit of this type observed in several oil wells in central of Saudi Arabia. 

Figures 2.6 and 2.7 show the analysis result of scale collected from oil producers in 

field H in Saudi Arabia [Nasr-EI-Din et al. SPE 102863, 2006]. Although calcite 

represents the highest percentage in the deposits collected, siderite existed in 

considerable amount (9-21%). The percentage of iron carbonate scale varied based 

on the location from which the scale has been collected. The color of scale varies 

and this probably due to the variation in the oxidation of iron, impurities, age and 

sampling technique. Iron carbonate scale sometimes confused with iron oxide. Iron 

carbonate is slowly soluble in dilute acid but effervesces in hot acid. Siderite rarely 

occurs in nature as pure FeC03, both Mg and Mn commonly substitute for Fe2+ 

[Cowan and Weintritt 1976]. As yet, no detailed information and analysis of iron 

carbonate are available. 
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FeC03.9% 

FeS. 2°' 

CaC03,89% 

Figure 2.6: Mineralogy of a scale sample collected from the impeller of oil producer, 
[Nasr-EI-Din et. al. SPE-77767, 2002]. 

Si02.11% 

FeC03,21% 

FeS. 2 CaC03,66% 

Figure 2.7: Mineralogy of a scale sample collected from flowline strainer of oil 
producer, [Nasr-EI-Din et. al. SPE-77767, 2002]. 
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CHAPTER 3 

SCALE DEPOSITION MECHANISM 

3.1 Scale Deposition Mechanism: 

The crystallization of scale deposition is a complex process. Several rate 

processes govern the formation rate of the initial scale layer and its subsequent rate 

of growth. The major rate processes are the nucleation, diffusion, chemical reaction, 

and the molecular ordering of the scale crystal lattice. Once the water becomes 

supersaturated with soluble constituents such as calcium carbonate, calcium sulfate, 

barium sulfate, iron carbonate, silica, etc., compounds may precipitate. Scale usually 

forms as a result of changes in solution conditions such as pressure drop, 

temperature changes, flow rate alterations, incompatibility, contamination, pH, etc. 

Such changes can occur in an oil producing formation, processing equipment, 

cooling tower, heat exchangers, evaporators, and almost anywhere water is used or 

handled. Figure 3.1 shows a general schematic of scale deposition mechanism 

[Cowan and Weintritt, 1976]. 

It was mentioned by York and Schorle that the crystallization from solution of 

a material directly on site of scale formation requires three simultaneous factors; 

supersaturation, nucleation, and adequate contact time [York and Schorle, 1966 ]. 

Their comments were related to scale deposition in seawater desalination unit. 

Nevertheless, their comments are applicable to mineral scale deposition under 

almost any condition regardless of the type of industry. 
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There was a thought that the primary cause of scale deposition was the 

impingement of solids on the metal surface, especially heated surfaces. However, it 

was found that the impingement of solids has little effect on scale deposition 

because of that the precipitation or crystals formed in one part of a system and 

carried to another part are less adherent than those crystals formed on site [Cowan 

and Weintritt 1974]. 

Suspended solid 

Settled and baked 
on solid 

Water Dissolved Mineral 

Dissolution 

Supersaturation 

Nucleation and 
Precipitation 

Crystal Growth 

1 
Scale 

Figure 3.1: General schematic of water-formed scale deposit mechanism, [Cowan 
and Weintritt, 1976] 
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The amount of scale formed is a function of the number of the initial crystal 

sites and the growth of the crystal material. For the same degree of supersaturation 

and the same contact time, the deposition rate is generally greater than it is during 

nucleation. It was reported by Hasson et al that under their testing conditions this 

was true for calcium sulfate, but that no appreciable difference in the rate of calcium 

carbonate deposition was observed [Hasson and Zahavi, 1970; Hasson et al., 1968]. 

The scale deposition requirement strongly depends on the process type. For 

example, the evaporative process, such as those used in the seawater distillation, 

usually involved only one type of water but a wide range of temperature. While the 

membrane processes do not involve a wide range of temperature, but do involve a 

variety of brackish water. Therefore, one question should be taken into 

consideration: how much the water can be concentrated before the scale forms and 

or in other way what is the crystallization point at which a scale forms in 

supersaturated water. Figure 3.2 shows the relationship of the necessary steps for 

scale formation [Cowan and Weintritt, 1976]. 
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Solubility 

^ ~ 

Supersaturation to 
Proper Level 

Key Requirement for 
Scale Formation 

Figure 3.2: key requirements for scale deposition, reproduced [Cowan and Weintritt, 
1976]. 

3.1.1 Supersaturation: 

A fundamental concept is that all solids, no matter how insoluble, are soluble 

to some degree. For example, barium sulfate is considered to be very insoluble. 

However, in contact with water they do dissolve, slightly, and form the following 

equlibria: 

BaS04 » Ba2+ + S04
2" Eq. (3.1) 

Crystal of compounds consists of ions arranged in an orderly matter. Thus, when 

crystals of a compound are placed in water, the ions at the surface migrate into the 

water and will continue to do so until the salt is completely dissolved or a condition of 

saturation is attained. In the case of insoluble substances, the saturation value is 

very small and is reached quickly. The equilibrium that exists between crystals of a 
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compound in the solid state and its ion in solution is amenable to consideration and 

the equilibrium constant called in this case the solubility product, Ksp. For the 

reaction in equation 3.1: 

v _ aBa -aso4 
Ksp~— Eq.(3.2) 

UBaS04 

Where: 

aga: activity of cation in solution, in this case is barium 

aso4 : activity of anion in solution, in this case is sulfate 

aBaso4 : activity of solid in solution, it equals 1.0 for a pure solid. 

The activity (ai) can be defined as the product of concentration [Cj] and a correction 

factor, activity coefficient (yx). 

The general expression for the solubility product constant provides a convenient way 

to predict whether the salt will precipitate from a given solution. In physics and 

chemistry, a saturated solution is obtained when a solvent can dissolve no more of a 

solute, which is in equilibrium with its solute, at a particular temperature. The 

solution that contains higher concentrations of dissolved solute than their equilibrium 

concentration is called supersaturated. Many reasons can cause the 

supersaturation. One of these is when the submicroscopic crystals, that precipitated 

first, have higher solubility than larger particles. This prevents the crystallization 

process from starting easily. 

In the industry, the supersaturation is the best indicator to predict scale 

formation. The ability to predict scale formation has two major applications, 
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especially in oil industry where substantial amount of water produced with 

hydrocarbons. First, it helps in planning and designing the production facilities. The 

likelihood that scale can form in producing wells can be predicted for a given source 

water injected for water flooding or pressure maintenance. If several waters are 

available for injection, then the water least likely to cause scale problems can be 

selected. Also it has a great help in the case of limitation of proper water needed for 

injection, for example, if only seawater available for injection. The prediction program 

will help in anticipating the type and location of scale formation. Secondly, it will help 

to determine the composition of produced water most likely to form scale and the 

location where scale is likely to occur. Scale can sometimes be avoided by skillful 

allocation of production or by altering injection patterns and production conditions. A 

way to predict scale formation is to use the supersaturation ratio as shown: 

on IAP 
SR ~ -1, Eq. (3.3) 

where, 

SR, is the supersaturation ratio 

IAP, is ion activity product 

KSP(T,P), is solubility product, it is a function of temperature and pressure 

If SR > 1, the solution is supersaturated therefore scale may form. 

If SR = 1, the solution is saturated 

If SR < 1, the solution is undersaturation and scale will not form 
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Sometimes the logarithm of the SR, called the saturation index (SI) is used for 

prediction: 

SI = log— Eq. (3.4) 

where: 

If SI > 0, the solution is supersaturated 

If SI = 0, the solution is saturated 

If SI < 0, the solution is undersaturation 

Three zones are shown in Figure 3.3; stable, metastable and labile. The 

metastable and labile represent the two states of supersaturation (intermittent line). 

The solid line represents the normal solubility of a solute in a solvent. The stable 

region represents the undersaturation where the crystallization will not occur. In the 

metastable region, spontaneous crystallization is not likely to occur. In the labile 

(unstable) region, spontaneous crystallization is probable [Krik-Othmer 1965]. The 

driving force of supersaturation is usually stated in terms of differential concentration 

at a given temperature or differential temperature at given concentration, it will be 

discussed in the coming sections. Scale deposition rate is also a function of the 

degree of supersaturation [Hasson and Zahavi, 1968]. There are several ways to 

supersaturate a solution; temperature changes, pH alteration, addition of solid 

seeding material, commingling of two incompatible waters and pressure reduction. 
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Cone. 

Temperature 

Figure 3.3: Solubility-supersolubility diagram, modified, adapted from Krik-
Othmer, 1965. 

3.1.2 Nucleation: 

Nucleation is the initial step of precipitation. Two basic nucleation 

mechanisms have been recognized, homogeneous and heterogeneous. 

Heterogeneous nucleation requires a preexisting foreign crystalline substance such 

as dust or reactor wall. The one not fundamentally calling for the presence of the 

foreign substances, even though it can be influenced by them, is called 

homogeneous nucleation. It describes mechanisms which produce nuclei whether or 

not the solution containing crystals or foreign matter. It is virtually impossible to have 

industrial water handling system clean enough for homogeneous nucleation to 
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occur. It is doubtful whether homogeneous nucleation ever exists. [Mullin 1961,; 

Walton 1967; Nancollas 1979; Randolph and Larson 1988]. The variation in natural 

waters due to contamination and mixing most certainly causes heterogeneous 

nucleation. Foreign substances can influence nucleation in a supersaturated 

solution. This is because the surface energy of nucleus is reduced by the foreign 

substances. To illustrate the concept of the influence of foreign substances on the 

nucleation, Mullin used the analogy of brick on its end [Mullin, 1961]. Solution with 

low supersaturation may remain stable indefinitely without nucleating. This is 

because the solution is in its metastable position and is not in its lowest energy 

state. This is like a brick on its end. Energy must be supplied to push the brick from 

its resting point toward nucleation, Figure 3.4. 

Push 

• 

rate 
Metastable 

/ 

Unstable Stable 

Figure 3.4: Mullin's analogy between a brick on its end and a metastable solution, 
the plot reproduced from Johnson [Johnson, 1990; Mullin, 1961]. 
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To have good understanding to the metastable solution and the influence of 

the foreign matter, a closer look at surface thermodynamic should be taken. The 

total free energy change, AG, due to forming a nucleus in solution equals the sum of 

the sum of the surface free energy plus the free energy of the bulk solid [Mullin 

1961; Randolph and Larson 1988]. 

AG (total) = Surface free energy + Bulk solid free energy Eq. (3.5) 

The surface free energy is proportional to the surface area, and the bulk free energy 

is proportional to the volume. 

Assuming spherical particle: 

AG = W A G s + (4/3) TTr3AGv Eq. (3.6) 

where: 

AGs: surface free energy per unit area of solid 

AGV: bulk free energy per unit volume of solid 

r: nucleus radius. 

The plot of AG versus particle radius shows that the maximum AG* occurs at some 

critical radius, rc, Figure 3.5. 

Rice University 32 



.6 

+ 

0 

* 

4G* ^y 

\ 

/>% 

\ vs 

rc 
r 

Figure 3.5: Free energy change for homogeneous nucleation (reproduced), 
[Randolph and Larson 1988]. 

Putting the derivative of equation 3.6 with respect to r equal to zero and solving for 

rc-

rc = -2AGs /AGv Eq. (3.7) 

Nuclei smaller than rc require an increase in free energy to grow. The maximum total 

free energy change, AG*, can be viewed as an energy barrier. If not enough energy 

exists for stable nuclei to form, crystallization will not occur, and the solution will 

remain metastable. The above equation explains the "Ostwald-Ripening", a process 

by which larger particle grow at the expense of smaller ones [Nancollas 1979; 

Neilson 1983]. 
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The Gibbs-Thomson equation relates the solubility of the small crystals to system 

supersaturation. 

In S = 2AGS Vm/RTrc Eq. (3.8) 

where: 

Vm : molar volume of solid 

The supersaturation determines the stability of the particle size. The stable particle 

size increases when the solution supersaturation decreases. Particles smaller than 

the stable size should preferentially dissolve. Due to the reduction in the surface 

energy of the nucleus by foreign matter and because the wall of pipe and vessel 

similarly can act as nucleating site as other foreign substances, scale formation is 

generally the result of unavoidable nucleation on the surface [Junghahn, 1962]. 

3.1.3 Contact Time: 

Once the solution has become supersaturated and the nucleation has 

occurred, there must be enough contact time between the solution and the 

nucleating site on the surface for scale to form. Scale more likely forms when the 

solution has longer contact time. It is quite variable from seconds to years. It entirely 

depends on the degree of supersaturation, the type and number of nucleating sites, 

the type of scale-forming material, temperature, pressure and other environmental 

factors. The change in induction time can results in periodic supersaturation, 

nucleation, precipitation, and eventually scale formation. 
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Stumper showed that the shorter the induction time is when the water 

becomes more supersaturated with calcium carbonate [Stumper 1934]. Pytkowicz 

studied the induction period for the calcium carbonate precipitation in natural and 

artificial seawater [Pytkowicz 1965]. His results were based on a wide range of 

supersaturation. He found that the precipitation of calcium carbonate from seawater 

would require as long as 100,000 years. Also he mentioned that if all the bicarbonate 

converted to carbonate, the precipitation would occur in 500 hours. In addition to that 

he found the presence of magnesium had a significant reduction effect in the 

precipitation of calcium carbonate from seawater. It helps to maintain a higher level 

of supersaturation for a longer period of time. 

3.1.4 Crystal Growth: 

Many theories have been proposed on the mechanism of crystal growth and 

many books are available on the subject of crystallization. Although a lot of work has 

been done to understand the basic mechanisms of crystal growth, it is still 

controversial [York and Schorle 1966]. The interaction between the nucleation and 

supersaturation complicates the puzzling picture [Cowan and Weintritt 1976]. 

Crystals form by the aggregation of molecules which continue to grow until they form 

nuclei. Deposition then begins on the nuclei or the nuclei combine to form visible 

crystals. The smallest of crystals normally thought to contain about eight to ten of 

ions in a lattice; for example, Figure 3.6 shows the crystal structure for calcium 

sulfate. Somehow, several thousands ions gather from supersaturated solution to 

aggregate in an orderly crystal lattice [Engineering encyclopedia]. 
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Figure 3.6: Crystal structure for calcium sulfate [Engineering Encyclopedia, 
Saudi Aramco] 

It is prudent to know the kinetic driving force before discussing the 

mechanisms of crystal growth. The driving force of crystallization is often described 

in term of system supersaturation [Garside 1984]. The chemical potential of a 

component is the driving force responsible for its transfer from a phase where the 

chemical potential is higher to a phase where the chemical potential is lower at same 

temperature and pressure. The chemical potential is commonly denoted by u, in unit 

of kj/mol or kcal/mol [Bodek et.al., 1988]. The deference in chemical potential of that 

substance in the two states: 

Au. = u,2 - | i i Eq.(3.9) 
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where: 

|j, = | j ,o+RT Ina 

fio = Chemical potential at standard state 

R = Gas constant 

T = Absolute temperature 

a = Activity 

The molar affinity, <|>, is defined as [Sohnel, et al., 1977]: 

^ = - Z v ^ Eq.(3.10) 

If the crystal formed from one compound, such as CaC03, then the molar affinity is 

represented by the difference in chemical potential between the states of solution 

supersaturation and solution equilibrium for the same compound. So, the equation 

can be reduced to 

<f> = - A j u Eq.(3.11) 

Several authors suggest a dimensionless driving force, a^ , derived from 

chemical potentials [Garside, 1984; Sohnel, 1981; Leeuwan and Blomen, 1979; 

Sohnel and Garside, 1979, Sohnel et al. 1977]. Sohnel expressed the kinetics of 

crystallization from solution to be a function of the thermodynamic driving force, a^ 

[Sohnel, 1981]. 

-J---L( - ] 
RT RT v ' ' ey ' tq.(d.12) 
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where subscripts I and eq refer to supersaturated and saturated solution 

respectively. Using the basic definition of activity 

a = a;=a;+
+av_-=(m±yj = \(y\+vvS)AmyJ={QmyJ Eq.(3.13) 

where 

a± = mean ionic activity of the solute 

v+, v. = stoichiometric coefficients 

m± = mean ionic molality 

y±: mean ionic activity coefficient 

v = number of ion in molecular unit, v = v+ + v" 

m = molality 

Rearranging equation 3.12 and by substituting from equation 3.13 

Substituting for ai = yiiTij: 

<rM = v l n 

f \ 
a± 

\a±.eg J 

Eq.(3.14) 

aM = v In 
f \ 

y±m 
\Y±eqmeq J 

Eq. (3.15) 

Sohnel made two assumptions to put the equation 3.15 in term of molality of the 

compound in solution instead of its ions [Sohnel et al., 1977]. He assumed that the 
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activity coefficients in the saturated and supersaturated solution are to be equal. And 

the value of v in equation 3.15 is equal to unity (for nonelectrolytes). Therefore, 

equation 3.15 is rewritten as 

aM=ln 
m 

\m^J 
Eq. (3.16) 

A slightly different dimensionless driving force based on solution activities is 

recommended by Neilsen [Neilsen 1983; Nielsen 1986]. 

cr„ = 
a l-—1 

V fl'><7 J 

Eq. (3.17) 

The chemical potential based driving force (aM) in equation 3.14 relates to the activity 

based driving force (aa) in equation 3.17 by the following equation [Johnson, 1990]. 

cr^ln 
f \ 

at 

\ai,eq J 

In a, -a i,eq + 1 
V a',ei 

Eq. (3.18) 

af, =ln(o-„+l) Eq. (3.19) 

At low supersaturation, i.e. a a « 1 : 
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°"«=ln(°'a+1)=aa Eq. (3.20) 

It should be expected that the two dimensionless approaches give similar results but 

not identical. Other researchers use dimensioned driving force [Kazmierczak et al. 

1982; Tomson and Nancollas 1979]. Johnson has mentioned three models of driving 

force during her study, equations 3.21 to 3.23 [Johnson, 1990]. 

— \( V/2 — v l/2 
Eq. (3.21) 

om :driving force in molal units, molal units are not temperature dependent. 

_ laFeaCQ3 _ 1 

K SP 

Eq. (3.22) 

<7„=ln 
aFeaC03 

K SP ) 
Eq (3.23) 

There is no general theory of crystal growth that applies to all crystals. It is 

known that crystal do not expand uniformly on all sides. The growth does not usually 

take place by the direct placement of ions from the solution on the growing face. 

Rather, the ions are adsorbed on the crystal and migrate to their place on the 

growing face, Figure 3.7 [Engineering encyclopedia]. 
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Figure 3.7: Adsorbed of ions on the crystal and their migration into their place on the 
growing face, [Engineering encyclopedia]. 

The theoretical layered growth mechanisms describe the formation of two 

dimensional nuclei and their growth on the surface of a material. The main atomic 

processes during crystal growth, Figure 3.8, can be summarized by [Lasaga, 1997]: 

(1) Transport of atoms to through the parent phase. 

(2) Attachment of atoms to the surface. 

(3) Movement of atoms on the surface. 

(4) Attachment of atoms to edges or kinks 

The feature of crystal faces whether the surface is rough or smooth is important in 

crystal growth. Smooth surface is associated with the slow growth while the rough 

surfaces are more akin to fast growth. Also, the growth sites are not energetically 

equivalent, Figure 3.9. Edge and smooth surface sites are less favorable than kink 
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sites. This is because three faces of the incorporated unit in the kink site will bind 

with crystal [Johnson 1990]. 

Figure 3.8: Summarizes the steps of crystal growth reproduced [Lasaga, 1997]. 

^ ^ A 
:̂ 0 

(. 

B ^ S ^ 

Figure 3.9: Growth sites on a crystal surface. A is smooth surface site, B is edge 
site and C is kink site [Johnson 1990]. 
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3.2 Phase Transformation: 

It is common in many scale-forming materials that they occur in distinct 

crystal modifications (polymorphism). Phase transformation commonly occurs in 

scale deposits. This happens either during or after the deposition. One example is 

the transformation of iron sulfide (FeS) to pyrite (FeS2) due to the age of scale and 

long exposure to the hydrogen sulfide gas (Nasr-EI-Din 2001). Also the phase 

transformation of calcium carbonates between vaterite, aragonite and calcite is 

another example. In saline water evaporative processes, scale can form in several 

forms depending on the temperature and ionic activity of the solution. For example, 

calcium sulfate can be deposited as the dihydrate (gypsum, CaS04.2H20), 

hemihydrate (CaS04.1/2H20) or anhydrate (CaS04) [Cowan and weintritt, 1976]. 
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CHAPTER 4 

EXPERIMENTAL TECHNIQUE AND DESIGN 

4.1 Preparation of Solutions: 

Bulk stock solutions were prepared for the CSTR experiments. Whereas, in 

batch system experiments, the salts of Ferrous iron, calcium and bicarbonate were 

directly added to a deoxygenated-deionized-water (DDIW) right before the 

experiment. A solution of sodium chloride (NaCI) was prepared by adding sodium 

chloride salt, supplied by Fisher Scientific (S-671-500), to Dl water pre-filtered by 

0.45 |am filter. Similarly, calcium and bicarbonate solutions were separatedly 

prepared by adding salts of calcium chloride and sodium bicarbonate (Fisher 

Scientific, S233-500), to Dl water. Then, they were sparged with 1% carbon dioxide 

gas for at least one hour. Iron (II) sulfate heptahydrate (FeS04.7H20), from Acros 

Organic, was used as ferrous iron source in all the experiments. Ferrous iron 

solution was prepared to avoid the oxidation of iron. First, a pre-measured volume 

of DDIW in a separate vial was prepared. Then, known weight of iron sulfate 

heptahydrate solid was quickly added to a deoxygenated 10 ml plastic syringe and 

then dissolved with small volume of the previously prepared DDIW. Then, the 

solution was transferred to the original three-valve-cap glass vial by vacuum and 

kept under 1% CO2 gas to expel trace amounts of oxygen that might have entered 

the container. 
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4.2 Experimental Apparatus: 

One of the major difficulties in studying the kinetics of ferrous iron in the 

laboratory generally comes from the difficulty of designing an acceptably anoxic 

system. The experiments were performed in a glass reaction vessel covered with 

six-hole steel cap, similar to that used by Amal Al-Borno [Al-Borno and Tomson 

1994]. The hole in the middle of the cap was used for two functions; as a gas outlet 

and through which to pass the bar of the two-way agitator. The second hole was 

used alternatively for both temperature measurements and pH meter electrode. The 

third hole was used for collecting samples while the fourth one was connected to the 

gas inlet line. The fifth and sixth holes were only utilized as inlet lines during the 

CSTR experiments to continually feed the reactor with iron, calcium and bicarbonate 

solutions. Iron and calcium solutions entered into the reactor from one line while 

bicarbonate entered from a separate line to avoid premature precipitation of 

carbonate salts. A water circulation bath was used for temperature control. The 

solution was thoroughly mixed with a two-way agitator. C02 (1% in N2) gas was used 

to deoxygenate the pumps and solution lines before transferring the solutions into 

them. Oxygen gas absorber (SUPELCO, Model-503088) was connected right to the 

cylinder's gas outlet to remove any impurities and trace of oxygen that might be 

present with the reactor's inlet gas. Figure 4.1 is a picture of the apparatus that was 

used. 
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Figure 4.1: A picture of the apparatus that was used. 

4.3 Experimental Procedures: 

In batch reactor experiments, 500 ml of 0.01 M NaCI solution was initially 

added to the reactor vessel. The temperature was digitally controlled on the monitor 

of the water bath. In addition, portable thermometer was inserted through one of the 

hole of the steel cap. The Dl water was deoxygenated by sparging with a 1% C02 

gas in N2 and simultaneously stirring with a two-way agitator for at least one hour. A 

one percent carbon dioxide was used herein in order to buffer the solution and 

prevent the large increase in the pH. The dissolved oxygen content was then 

measured by a colorimetric analysis (CHEMets Kit) to make sure that the Dl water in 

the reactor is less than 5 ppb oxygen. Then, a specific weight of sodium 
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bicarbonate powder was added directly to the reactor vessel. Before adding the iron 

and calcium salts, the pH had been monitored until no change was observed. 

Afterward, iron and then calcium salts were quickly added to the reactor through the 

sampling line by using 10 ml plastic syringe. 

In the CSTR experiments the procedures were quite different. Two liters of 

0.5 M NaCI solution were prepared and deoxygenated by 1% CO2 gas. The 0.5 M 

NaCI was used to minimize the increase in the ionic strength due to the continuous 

feeding of the ions. The 500 ml of this NaCI solution was transferred to the reactor 

and kept under C02 sparging. Based upon experience and estimated mass transfer 

rate, the characteristic exchange time (x) for CO2 gas is estimated to be only a few 

minutes. Another amount of 0.5 M NaCI solution was used to preparing calcium, 

iron and bicarbonate solutions to avoid large change in the ionic strength of the final 

solution. Three separate pumps were used for each solution. Each solution was 

transferred by vacuum to each pre-deoxygenated pump. The concentrations of the 

calcium, iron and bicarbonate were varied based upon the purpose of each 

experiment. Three pumps were operated at equal flow rates, 20 ± 0.01 ml/hr, for a 

total flow rate of 60 ml/hr. Figure 4.2 shows schematic of the CSTR experiments. 
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Sampling Line 

PH and Temperature Control 

Gas inlet 

Ca and Fe inlet 

C03 inlet 

Agitator Bar and Gas outlet 

Figure 4.2: Schematic of experiment procedures in CSTR. 

In both cases, the C02 gas was passed through a separate vessel containing 

some de-ionized water under same reaction temperature. The pre-saturation of gas 

with water, before it enters the reactor, was aimed to prevent any further saturation 

inside the reactor that may results from reduction in solution volume. In addition, the 

agitator speed was controlled not only to provide mixing but also to minimize the 

effect of bubbling that might escape with the gas outlet during the experiment. 
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4.4 Analytical Technique: 

4.4.1 Dissolved Oxygen Content: 

The dissolved oxygen content in the reactor vessel was measured by a 

colorimetric analysis (CHEMets Kit) to make sure that the Dl water in the reactor is 

oxygen free (less than 5 ppb). The change in color, from colorless to a darker pink, 

reflects the concentration (0 - 40 ppb) of dissolved oxygen in the reactor solution. 

The measurement was applied before and after the experiment. Figure 4.3 shows 

the color in the ampoule right after immersing it in the reactor vessel at the beginning 

of the experiment, while Figure 4.4 shows the reading of the dissolved oxygen 

based on the color intensity. The actual sample ampoule located in the middle of the 

tube. Colorless means the dissolved oxygen concentration is approximately zero. 

In addition, the change of color of the solution itself before, during, and after the 

experiment confirms that the solution was almost free of oxygen. Ferrous iron 

carbonate has a gray to light greenish color, while oxidized iron solution has brown 

reddish color, Figure 4.5. 

Figure 4.3 : The color in the ampoule right after immersing it in the reactor vessel 
after one hour of sparging with C02 gas. 
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Figure 4.4: It shows the reading of the dissolved oxygen based on the color 
intensity. The reading is ranged from 0 to 40 ppb. 

Before adding iron During C02 injection After exposing to atm. 

Before Immediately after exp. After exposing to atm. 

Figure 4.5 : The color change in the solution, vessel and stirrer bar before and after 
the experiment. 
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4.4.2 Accuracy and Reproducibility: 

Ferrous iron concentration was measured by Hack-spectrophotometer 

whereas calcium was measured by inductive coupled plasma (ICPS). Ferrous iron 

and calcium are the major constituent ions in the experiment. Thus, the accuracy 

and producibility of the Hach-spectrophotometer and ICP were checked. A standard 

sample was selected to test the accuracy and producibility of the machine. Since the 

Hach-spectrometer gives the measurement in mg/L and the dilution performed by 

weight, the densities of the actual and diluted samples were considered in the 

calculation. Also the effect of the reagent and vial was considered and subtracted 

from the actual reading of the machine. It was found to be about 0.009 mg/L. Fife 

samples have been taken from the mother standard sample for the accuracy test 

each sample required dilution (1:25 or more) to be within the 0-3 mg/l iron range. All 

measurements were within the range of the standard sample and the difference was 

less than 0.3%, Table 4.1. 
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Table 4.1: accuracy test of Hach-spectrometer. 

s# 

1 

2 

3 

4 

5 

6 

Fe wt, 
g 

10.036 

0.561 

0.615 

0.612 

0.700 

0.700 

DIW, 
wt, g 

110.130 

26.274 

25.331 

25.670 

25.979 

25.298 

HACH Read, 
mg/L 

1.920 

2.180 

2.141 

2.428 

2.484 

Fe Con, 
mg/L 

89.5 

89.5 

89.4 

89.4 

89.7 

89.5 

Range 

Max 

89.778 

Min 

89.241 

% Er* 

0.29 

0.07 

0.09 

0.04 

0.29 

0.03 

* Er is the relative error: Er= 100[(Xi-xt)/Xj]. Where Xj is the measured value and xt is 
the true value. 

Six standard samples were also prepared for ICP accuracy and reproducibility test. 

Three of them contained iron and three without to test the influence and interference 

that may be caused by presence of iron. The reproducibility was examined by 

splitting each sample into two vials during the analysis. The maximum acceptable 

concentration of calcium by the ICP was 100 mg/L based on the wavelength and 

intensity of the machine. The results were shown in Table 4.2. The maximum 

percentage error was less than 1.3% in samples having low concentrations. 

Whereas the error reduced to about 0.5% when the concentration above 45 mg/L. 

The reproducibility level was acceptable as well (0.05% - 0.7%). 
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Table 4.2: Accuracy test of inductive coupled plasma (ICPS). 

s# 

1 

2 

3 

4 

5 

6 

7 

8 

Cawt, 
g 

0.500 

0.500 

0.126 

0.126 

0.521 

0.521 

0.061 

0.061 

Fe wt, 
g 

0.000 

0.000 

0.000 

0.000 

0.493 

0.493 

0.114 

0.114 

2% HN03 
wt 

10.990 

10.990 

10.034 

10.034 

10.011 

10.011 

10.116 

10.116 

Ca, 
mg/L 

45.515 

45.515 

12.588 

12.588 

52.021 

52.021 

6.020 

6.020 

Range of Ca, mg/L 

High 

45.529 

45.529 

12.592 

12.592 

52.037 

52.037 

6.022 

6.022 

Low 

45.502 

45.502 

12.584 

12.584 

52.006 

52.006 

6.018 

6.018 

Ca, 
mg/L 

45.320 

45.670 

12.740 

12.740 

51.750 

51.780 

6.133 

6.113 

Ca% 
Err 

0.429 

0.340 

1.209 

1.209 

0.521 

0.464 

1.875 

1.543 

4.4.3 Sampling Procedure: 

The actual concentrations of iron, calcium and bicarbonate were measured by 

collecting samples from the reactor each 10 minutes. The sampling line was first 

flushed with two milliliters of the actual solution. Subsequently, another eight 

milliliters was removed from the reactor by a syringe for analysis. The sample was 

filtered with 0.45 |am filter before performing the analysis to remove the suspended 

solids of calcium and iron carbonate. Two grams of the filtered sample were then 

transferred into the Hach-spectrophotometer vial and then diluted to 25 grams with 

Dl water for iron measurement. Total alkalinity was also measured in-situ to 

minimize the error that might result from further precipitation. The alkalinity 

measurement was performed by titrating with 0.05 N HCI using Bromcresol Green-
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Methyl Red Indicator Powder (Hach Permachem Reagents). The total alkalinity was 

assumed to be equal to the bicarbonate concentration under the experiment 

conditions. Figure 4.6 shows the ionization of carbonic acid with pH in an open 

system in equilibrium with 1% C02 at 55 °C. Calcium measurement was done by 

transferring another one gram of the filtered sample into nine grams of 2% HN03. 

The calcium concentration was measured later after finishing the experiment by 

inductive coupled plasma (ICP). 
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Figure 4.6: Ionization of carbonic acid at 1% C02 and 55 C. 
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The saturation index and ionic strength were calculated by using Visual 

Minteq software version-2.53. The effect of water vapor pressure was considered in 

the calculation of the Visual Minteq software [from website of Department of Land 

and Water Resources Engineering]. The partial pressure of C02 used in the 

calculation is the subtracted value from the vapor pressure of water, Eq. 4.1. Table 

4.3 shows the value of water vapor pressure at different temperature (Perry and 

Green 1997). 

"cOl V 0 = "c02 ~ Kvatervapor Eq (4.1) 

Where: 

Pcol(t), Actual pressure of C02 gas used in the calculation 

Pew , Pressure of CO2 in inlet gas, 1% in our experiment. 

Pwatermpor, Water vapor pressure at experiment temperature 
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Table 4.3: Water vapor pressure at different temperatures, Handbook of Chemistry 
and Physics, page D-168. 

Temperature, °C 

20 

25 

30 

35 

40 

45 

50 

55 

60 

65 

70 

75 

80 

85 

Vapor presssure, mm 
Hg 

17.535 

23.756 

31.854 

42.175 

55.324 

71.88 

92.51 

118.04 

149.38 

187 

233.7 

289.1 

355.1 

433.6 

V.P, atm 

0.0231 

0.0313 

0.0419 

0.0555 

0.0728 

0.0946 

0.1217 

0.1553 

0.1965 

0.2460 

0.3075 

0.3804 

0.4672 

0.5705 

The saturation index (SI) is defineded by the following equation: 

SIsideri,e = L O g ! 

a F e 2 + ' a c o r 

^SP.Sideritc V ' ' ) 

Eq (4.2) 

SIcalcite = L ° g 10 

aCa^" aC0r 

^SP.Calcite (-' ' ") 

Where: 

Eq (4.3) 

SI : The saturation index. 
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aFe2+: Activity of ferrous iron in solution 

aca2+: Activity of calcium in solution 

aco32-,: Activity of carbonate in solution 

KSp,siderite, : Solubility product constants of siderite (FeC03) 

Ksp,caicite, : Solubility product constants of calcite (CaCOs) 

V : Solution volume 

Q : Flow rate 

The calculated concentrations of iron, calcium and bicarbonate in the effluent of 

CSTR system under the assumption of perfect mixing, no reaction and adsorption 

were calculated by using the integration form of effluent concentration in CSTR. The 

equation was derived by mass balance for each of the ions in solution. 

C(t) = Cin + (C0 - Cjexpf — ] Eq (4.4) 
V T J 

Where, 

C(t) is the concentration of the ion in influent at time t in mg/L. 

Cin is the concentration of the ion in the influent stream in mg/L. 

C0 is the initial concentration of the ion in the reactor. 

t is time in minutes, 
x is the characteristic retention time in minutes, (V/Q). 
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4.5 Solid Preparation: 

The solid used in the analysis by X-ray diffraction (XRD) and scanning 

electron microscope (SEM) was collected after the suspended salt in the solution 

settled down in the bottom of reaction vessel. The CO2 gas was kept flowing during 

this process to avoid any oxidation of ferrous iron by oxygen. The supernatant fluid 

was then very slowly sucked from the reactor. The remaining wet solid was kept to 

dry under high temperature (70 °C) by using circulation water bath. The dry solid 

washed again several times with Dl water to remove any residual of background 

electrolyte ions due to evaporation. Eventually, the solid was dried again by 

following the same aforementioned steps. 
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CHAPTER 5 

RESULTS AND DISCUSSION 

5.1 The Interaction between Iron-ll and Calcium in Batch 

System: 

Several experiments were conducted to study the precipitation interaction 

between ferrous iron and calcium in a batch reactor in 0.01 M NaCI solution at 

temperatures 55 and 65 °C. The ferrous iron to calcium molar ratio was varied in 

each experiment by only changing the calcium concentration while keeping iron and 

bicarbonate concentrations constant. Table 5.1 summarizes the experimental 

conditions such as the initial concentrations, saturation index (SI), ionic strength (IS) 

and Fe/Ca molar ratio. 

Table 5.1: Summary of experimental conditions of batch experiments. 

Exp. 

B-1 

B-2 

B-3 

B-4 

B-5 

[Fe], 
mM 

1.90 

1.90 

1.90 

1.90 

1.90 

[Ca], 
mM 

0 

1.90 

3.80 

19.0 

95.0 

[HC03], 
mM 

4.0 

4.0 

4.0 

4.0 

4.0 

SI, 
Siderite 

2.53 

2.49 

2.45 

2.22 

1.81 

SI, 
Calcite 

-

0.51 

0.77 

1.23 

1.50 

Molar 
Ratio: 
Fe:Ca 

1:0 

1:1 

1:2 

1:10 

1:50 

ĉ 

55 

55 

55 

55 

55 

PH 

7.55 

7.53 

7.52 

7.45 

7.31 

Ionic 
strength 

0.020 

0.025 

0.03 

0.072 

0.275 

[NaCI], 
M 

0.01 

0.01 

0.01 

0.01 

0.01 
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Figure 5.1 shows the change of ferrous iron concentration with time at different iron-

calcium molar ratios. In the absence of calcium (Fe/Ca molar ratio =1:0), the 

concentration of ferrous iron in the solution dropped gradually and reached 49 mg/L 

after 60 minutes (dropped by - 55%). The trend did not show clear curvature which 

indicates that the change in the precipitation rate of iron carbonate was slightly small 

over the time of the experiment. This probably was due to the fast nucleation and 

crystal growth processes. It is known that the precipitation rate is a function of 

supersaturation and the supersaturation typically decreases with time due to 

decreasing in the activities of ferrous iron and bicarbonate in the solution. So, quick 

crystal growth probably compensated the effect of the reduction of supersaturation 

by providing more active site for additional crystals to grow. 

The figure also shows that adding calcium into a solution containing ferrous 

iron at Fe/Ca molar ratios 1:1 and 1:2 had no significant effect on the solubility of 

ferrous iron in the solution at the end of 60 minutes. However, the presence of 

calcium changed the shape of the trends of iron concentrations. Quick drop in iron 

concentrations was observed during the first five minutes for both ratios (Fe:Ca, 1:1 

and 1:2). Then, iron concentration slowly dropped between five and thirty minutes 

and more drop on concentration was observed afterward. Although the two trends of 

irons concentration in the presence of calcium were not identical after 15 minutes, 

but they showed that calcium slightly reduced the precipitation rate of siderite in the 

solution during the first thirty minutes. The change in the precipitation rates of 

siderite in the absence of calcium and in the presence of calcium at different molar 

ratios could be attributed to the change in the morphology of iron carbonate due to 
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the presence of calcium in the solution. More details will be given in the solid 

analysis section. 

When the calcium concentration was initially increased to about 770 mg/L in 

the solution (Fe/Ca molar ratio = 1:10), the drop in iron concentration significantly 

reduced. Iron concentration dropped very slowly over time and at the end of the 

experiment iron concentration dropped only by ~8%. The improvement in iron 

solubility may be ascribed to the reduction in the available carbonate for iron in 

solution due to the formation of calcium bicarbonate complexes (CaHC03+). Table 

5.2 shows the calculated percentages of carbonate complexes at the all tested molar 

ratios of ferrous iron to calcium (1:0, 1:1, 1:2, 1:10 and 1:50). They were calculated 

by using Visual Minteq Software. The presence of calcium at a molar ratio of iron to 

calcium 1:10 reduced the percentage of the free bicarbonate in solution from ~ 91% 

to 82%. Also, the complexes of calcium bicarbonate increased from ~1.3% to 8.8%. 

As a result, more increase in calcium concentration (Fe/Ca molar ratio =1:50), [Ca] ~ 

4000 mg/L, resulted in no noticeable drop in ferrous iron concentration during the 

experiment, Figure 5.1. At 1:50 Fe/Ca molar ratio, the percentage of the calcium 

bicarbonate complexes increased to approximately 24%, Table 5.2. 
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Figure 5.1: Concentration of iron at various Fe/Ca molar ratios (1: 0,1:1,1:2,1:10 
and 1:50) at 55 °C. (•Jlron to calcium molar ratio 1:0. (•) Iron to calcium molar ratio 
1:1. (A)lron to calcium molar ratio 1:2. (x) Iron to calcium molar ratio 1:10 (>K) Iron to 
calcium molar ratio 1:50. 

Table 5.2: Percentages of bicarbonate complexes at different iron-calcium molar 
ratios at 55 °C, calculated by Visual Minteq Software. 

Fe/Ca Molar Ratio 

C03-2 

NaC03-

NaHC03 (aq) 

HC03-

H2C03* (aq) 

FeHC03+ 

CaHC03+ 

CaC03 (aq) 

Total 

1:0 

0.36 

0.02 

0.25 

93.54 

4.38 

1.45 

0.00 

0.00 

100.0 

1:1 

0.35 

0.02 

0.24 

91.77 

4.40 

1.39 

1.27 

0.57 

100.0 

1:2 

0.35 

0.02 

0.23 

90.22 

4.41 

1.33 

2.41 

1.04 

100.0 

1:10 

0.33 

0.02 

0.18 

82.24 

4.42 

1.01 

8.82 

2.99 

100.0 

1:50 

0.25 

0.11 

65.98 

4.29 

0.59 

23.72 

5.05 

100.0 
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Figure 5.2 shows the concentrations of calcium at different Fe/Ca molar ratios. The 

increase in calcium concentration definitely resulted in an increase in the SI value of 

calcite. No change in calcium concentration was observed at Fe/Ca molar ratio 1:1 

and 1:2, respectively. However, a little drop in calcium concentration was observed 

at higher ratios (1:10 and 1:50). Although the drop in calcium concentrations was 

not significant, but was expected because of increasing the supersaturation of 

calcium carbonate in the solution. 
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Figure 5.2: Concentrations of calcium in the batch experiment at different Fe/Ca 
molar ratios (1:1, 1:2, 1:10 and 1:50) at 55 °C. (•) Iron to calcium molar ratio 1:1. 
(A)lron to calcium molar ratio 1:2. (x) Iron to calcium molar ratio 1:10 (>K) Iron to 
calcium molar ratio 1:50. 
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5.2 Interaction between Iron (II) and Calcium in CSTR 

System (Continuous Feeding): 

Iron carbonate and calcium carbonate salts have different solubility-product 

constants, (Ksp at 25 °C), 10"1055 and 10"830 , respectively [Sawyer, 2003]. The 

cation precipitating first may impair the chance of precipitation of the other by 

consuming the available carbonate in the solution. In order to avoid the lack in the 

availability of carbonate concentration in the solution during the experiment due to 

precipitation and complexes formation, similar experiments were conducted in 

continuous stirred tank reactor (CSTR). This was also intended to evaluate the 

impact of continuous feeding more clearly. The molar concentration of bicarbonate in 

the influent was designed to be greater than the sum of molar concentration of both 

ferrous iron and calcium. Also, to reduce the effect of variation in the ionic strength 

during the precipitation process, all the CSTR experiments were conducted in 0.5 M 

NaCI solution at 55 °C. 

Figure 5.3 shows the measured and calculated trends of ferrous iron, calcium 

and bicarbonate concentrations in the CSTR. The interaction between the 

constituent ions was studied by comparing their actual in-situ measured 

concentrations in solution with the calculated concentrations in the effluent stream 

calculated by using equation 4.4, (case of no reaction). No ferrous iron and calcium 

were initially existed in the reactor except the electrolyte background (0.5 M NaCI). 

The concentration of ferrous iron, calcium and bicarbonate in the inflow stream were 

274.9 mg/L, 2657.8 mg/L and 4492.4 mg/L respectively. The figure displayed four 

distinguished regions in term of iron concentration behavior. 
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The "first region" represented a transition of solution from its stable state 

(undersaturated) to a metastable state (supersaturated). This region extended till 

approximately 18 minutes. No precipitation was observed in this region and no 

change in the color of the solution was observed as well. The saturation indexes of 

siderite and calcite were shifted from the negative to the positive values, Figure 5.4. 

The concentrations of ferrous iron and calcium mounted to ~10 mg/L and 100 mg/L 

respectively. The concentration of iron herein was much lower than what was initially 

in the batch system experiments. The SISiderite, SlcaiCite and Slaragonite at the end of this 

region were ~1.5, 0.6 and 0.5 respectively. 

However, in the "second region" iron started to precipitate and no precipitation 

on calcium was observed although the calcium concentration in the influent was 

grater. This was because iron carbonate has lower solubility than calcium 

carbonate, which resulted in a higher supersaturation index of siderite than calcite 

and aragonite. Despite of the presence of calcium, iron continued to precipitate due 

to the continuous increasing in the supersaturation of siderite where it reached up to 

2.65 at the end of this region. This result was consistent with the results observed on 

the batch experiments where lower concentration of calcium (~76 -160 mg/L Ca2+) 

did not inhibit the nucleation and growth of siderite. This region extended till 70 

minutes. 

The "third region" confined between 70 to 120 minutes. It was surprisingly 

noticed that the iron precipitation in this region was completely stopped although the 

saturation index of siderite was high (>2.65). This observation was confirmed by 

comparing the slope of the lines of the measured iron concentrations with that of the 
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calculated over the time interval of this region. Since the time interval was short, a 

straight line was a good assumption for both trends (R value > 0.99). The slope of 

the measured iron concentration was 0.53 and that of the calculated was 0.49, 

Figure 5.5. Larger slope of the line of the measured concentration confirmed that 

siderite nucleation and growth were not only completely inhibited but also little of the 

previously precipitated siderite seeds dissolved again in the solution. Siderite 

inhibition continued until the SUiderite reached about ~3.2 (120 min). On the other 

hand, calcium carbonate precipitated at this region instead. The saturation index of 

calcite was ~2.0 when the calcium precipitation began, Figure 5.4. The precipitation 

of calcite and/or aragonite can be attributed to the increasing in their supersaturation 

and also probably to the availability of the active sites for crystal growth provided by 

the siderite seeds formed at the "second region". Change in the color of the solution 

was gradually observed from light gray at the second region to a cloudy white during 

the third region. It is hard to rationalize the stop in the siderite precipitation. But this 

result was somewhat in agreement with the results observed in batch experiment at 

1:50 Ca/Fe molar ratio where little precipitation in calcite was observed and no 

precipitation of siderite was noticed, Figures 5.1 and 5.2. Increase the complexes 

formation is a weak reason to justify this phenomenon herein because the 

bicarbonate was continuously fed to the solution at high concentration. But it could 

be ascribed to the incorporation of calcite and/or aragonite crystals into the active 

site of siderite crystals. 

In the "fourth region", siderite was able to precipitate once again along with 

calcite and/or aragonite (Figure 5.3). Whether they formed arkarite [CaFe(C03)2] or 
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some less well defined mineral such as ferroin calcium carbonate is not yet known, 

see the section of solid analysis Figure 5.37. This should be an ideal experimental 

approach to study these phase relationships in the future. The simultaneous 

precipitation of both most likely was due to the heavily build up of the 

supersaturation of both minerals at which the influence of calcium was diminished. 

The precipitation of siderite in this region was confirmed similarly as what done in 

the third region by comparing the slope of the lines of measured and calculated 

concentrations over the time interval of the region. The slope of the measured value 

was little lower than that of the calculated, ~0.30 and 0.44 respectively, Figure 5.6. 

Comparing the two trends of calcium and iron, they revealed that the rate of calcite 

precipitation was higher than that of siderite. This will be explained in more details 

during the calculation of the actual molar ration of iron to calcium in the Molar Ratio 

Section. The precipitation rate of calcium and iron in regions three and four were 

shown in Figure 5.7. 

It is known that the pH and ionic strength have an effect on the solubility of 

minerals. No significant changes on the pH and ionic strength were observed. Due 

to the continuous feeding of bicarbonate, calcium and iron ions into the solution, the 

solution ionic strength gradually increased from ~ 0.47 to 0.53 M, Figure 5.4. Also 

the solution pH increased then gradually dropped within a small range (7.8 and 7.3), 

Figure 5.8. The decreasing in solution pH was attributed to the release of proton 

from the bicarbonate in the solution as a result of calcium carbonate and iron 

carbonate precipitations. 
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The phenomenon of the four different zones explained above during the 

CSTR had some consistency with one of the field cases where pure siderite scale 

was found in the bottom of the tubing whereas calcite scale were found in the top 

when the formation brine contains high concentrations of iron and calcium. 
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Figure 5.3: Shows the four different regions exhibited in term of iron concentration 
canges in CSTR at 55 °C. (•) in-situ measured calcium concentration. (A) in-situ 
measured ferrous iron concentration. (>K) in-situ measured bicarbonate 
concentration. (—) calculated calcium concentration by equation 4.4. (—) calculated 
calcium concentration by equation 4.4. (—) calculated bicarbonate concentratiob by 
equation 4.4. 
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Figure 5.4: Change in saturation index (SI) and ionic strength (IS) with time in CSTR 
experiment. (•) SI siderite. (x) SI calcite. (•) SI aragonite. (•) Ionic strength. 
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Figure 5.5: Slopes of the straight lines of the measured and calculated 
concentrations of iron in the third region of the CSTR experiment. (•) Calculated 
concentration of ferrous iron. (•) Measured concentration of ferrous iron. 
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Figure 5.6: Slope of the straight lines of the measured and calculated 
concentrations of ferrous iron in the fourth region of the CSTR experiment. (•) 
Calculated concentration of ferrous iron. (•) Measured concentration of ferrous iron. 
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Figure 5.7: Precipitation rate of calcium and iron in regions 3 and 4.(A) Precipitation 
rate of calcium in region-3. (•) Precipitation rate of calcium in region-4. 
(•)Precipitation rate of iron in region-4. No precipitation of iron was observed in 
region-3. 
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Figure 5.8: pH reading during CSTR experiment at 55 °C. 

2+ .2+ 5.2.1 Effect of the Presence of Caz on Fe^ Solubility in 

CSTR at 55°C: 

Analogous experiments were performed under the same conditions in the 

absence of calcium to validate the impact of calcium in the solution supersaturated 

with ferrous iron. Figure 5.9 shows the trends of ferrous iron concentrations in the 

presence and absence of calcium. Iron concentrations exhibited the same behavior 

in both presence and absence of calcium during the first seventy minutes. However, 

thirty minutes later, iron carbonate precipitation accelerated and then dropped to 

almost zero after 120 minutes, Figure 5.9. This drop in iron concentration was 
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completely different from what was observed in the forth region in Figure 5.3 where 

iron carbonate was having low precipitation rate. The heavily precipitation of iron 

carbonate in the absence of calcium was probably related to the buildup of 

bicarbonate concentration in solution. Iron was the only sink of bicarbonate, 

therefore, the build up of bicarbonate concentration resulted in a quicker increase in 

the supersaturation of siderite. As a result, it can be inferred that calcium had a 

strong impact on the apparent solubility of ferrous iron. Its presence stopped the 

further precipitation of siderite at high SI values during a continuous feeding of 

ferrous iron into the solution. The concentration of bicarbonate in the influent was 

always greater than the total concentration of iron plus calcium. 

Fe only —•— Fe with Ca A No Reaction 

Time, min 

Figure 5.9: Iron concentrations in the solution in the presence and absence of 
calcium in CSTR at 55 °C. (A) Calculated concentration of iron in case of no 
reaction using equation 4.4. (•) Measured concentration of iron in the presence of 
calcium. (•) Measured concentration of iron in the absence of calcium. 
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5.2.2 Effect of the Presence of Fe2+ on Ca2+ Solubility in 

CSTR: 

The effect of iron in a solution supersaturated with calcium was also studied. 

Figure 5.10 shows the change in calcium concentration in the presence and 

absence of iron during CSTR experiment at 55 °C. The presence of ferrous iron in 

solution did not show significant impact on the extent of calcium carbonate 

precipitation. There was a small increase in the concentration of calcium in solution, 

but not significant. The precipitation of siderite at the beginning also did not even 

affect the threshold precipitation of calcium carbonate. However, the difference was 

only in the shape of the trend at the inflection point (the starting of the precipitation of 

calcium carbonate). The trend in the absence of iron had sharper curvature, which 

reflects that iron probably had a little effect on the nucleation of calcium carbonate 

but not in the crystal growth. Therefore, In contrast with what was observed in 

Figure 5.9, it can be inferred that the siderite seeds had not significant effect on the 

solubility of calcite and/or aragonite in term of inhibition and crystal growth. 
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Figure 5.10: Calcium concentrations in the solution in the presence and absence of 
iron in CSTR at 55 °C. (•) Measured concentration of calcium ion in the presence of 
iron. (•) Measured concentration of calcium in the absence of iron. 

5.3 Effect of Temperature: 

Figure 5.11 shows the change in iron concentration with time in a batch 

reactor, all at initial Slsiderite ~2-6 at three different temperatures (45, 55 and 65 °C). 

No change in iron concentration was found at 45 °C during the sixty minutes 

whereas the concentration gradually decreased at 55 °C and sharply dropped at 65 

°C. All the experiments were conducted at 0.01 NaCI solutions in absence of 

calcium ions. Figure 5.12 shows the change in the concentrations of iron in the 

presence of calcium at a molar ratio of iron-to-calcium 1:10 at 65 °C. The drop in 

concentration of iron was reduced when the calcium co-existed in the solution. The 

drop of iron concentration during the experiment at same iron-to-calcium molar ratio 

(1:10) at 65 °C was higher than what was observed at 55 °C in Figure 5.1. 
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Therefore, the presence of calcium significantly reduced the effect of temperature on 

the iron carbonate precipitation. 
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Figure 5.11: Iron concentrations in the solution of 0.01 NaCI at different 
temperatures in batch system experiment. (A) Iron concentration at 45°C. (•) Iron 
concentration at 55°C. (• Iron concentration at 65°C. 
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Figure 5.12: Influence of the presence calcium on ferrous iron concentration at 65°C 
in a batch reactor, (x) Calcium concentration. (•) Iron concentration. 
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Similar experiments were performed but in CSTR system instead. Figure 

5.13 shows the concentration trends of both iron and calcium at 55 °C and 65 °C in 

CSTR. As expected, the drop on concentrations was slightly higher at 65 °C than 

that at 55 °C of both calcium and iron. This result was also in agreement with what 

found in the batch reactor experiment in the presence of calcium at 65 °C, Figure 

5.12. At the end of three hours the system converted to batch by closing all the 

influent lines. This was intended to evaluate the stability of cations in solution. 

Surprisingly, no appreciable further drop in concentrations was observed although 

the SI values of siderite, aragonite and calcite were still high, 3.5, 2.3 and 2.4 

respectively, Figure 5.14. The concentrations of iron and calcium ions at the end of 

the converted-batch experiment at 55°C were 65.6 and 398.5 mg/L respectively. 

These concentrations were compared with the expected concentration at equilibrium 

calculated by using visual minteq software. The equilibrium concentration of iron and 

calcium were 0.77 and 70.1 mg/L, respectively. It was hard for the solution to reach 

equilibrium after one hour, but the large difference between the existing 

concentration and the equilibrium concentrations was worthy to be noticed. 
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Figure 5.13: The effect of the presence of calcium on iron concentration at 55°C and 
65°C.(—) Calculated calcium concentration in case of no reaction using equation 
4.4. (—) Calculated iron concentration in case of no reaction using equation 4.4. 
(x)Measured calcium concentration at 55°C. (•) Measured calcium concentration at 
65°C. (>K) Measured iron concentration at 55°C (•) Measured iron concentration at 
65°C. 
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Figure 5.14: Change in saturation index values with time of siderite, aragonite and 
calcite at 55 °C. (•) SI siderite. (x) SI calcite. (•) SI aragonite. 
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5.4 Interaction of Ferrous Iron with Scale Inhibitors 

Chemicals in the Batch System: 

So far no commonly used scale inhibitor has been known to prevent iron 

carbonate precipitation. There is still no general consensus about the interaction 

between the scale inhibitor, especially the phosphonate- based types, and the 

ferrous iron. The matter is still controversial between the several research groups. It 

has been reported that the presence of ferrous iron in a supersaturated solution of 

calcium carbonate adversely affects the performance of the scale inhibitors 

(phosphonate-based inhibitors) to prevent the formation of calcite scale [Graham et 

al., 2003]. This was attributed to the formation of iron-scale inhibitor complexes in 

the solution that impairs the activity of the inhibitor toward calcium carbonate. 

Another explanation was attributed to the removal of inhibitor from the solution due 

to precipitation as iron-scale inhibitor. Based on the first explanation that states the 

possibility of iron-scale inhibitor complexes formation, two common scale inhibitors 

and a chelating agent (citrate) were tested herein to investigate whether they can 

form complexes with iron to improve iron solubility in a supersaturated solution with 

siderite and calcite. The experiments were conducted in a batch system at 55 °C 

under same conditions as shown in Table 5.1 at 1:10 Fe/Ca molar ratio. The 

selected inhibitors were diethylenetriaminepenta(methylene phosphonic acid) 

(DTPMP) and bis-hexamethylenetriamine penta(methylene phosphonic acid 

(BHPMP). Their chemical structures are shown in Figures 5.15 and 5.16. Although 

lower concentration (1-5 ppm) of scale inhibitor was usually found to prevent the 

precipitation of calcite, 10 ppm of scale inhibitor was used herein. Kan reported that 
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iron has lowest conditional solubility product of M2+/DTPMP among barium, 

strontium and calcium [Kan et al., 1992]. Nevertheless, the trend of iron in the 

presence of DTPMP was similar to that in the absence of the inhibitor, Figure 5.17. 

This result contradicts with the explanation rationalizing the reduction in the 

performance of the inhibitor is due to iron-inhibitor complexes. On the other hand, 

the presence of BHPMP adversely affected the solubility of iron in the solution, 

Figure 5.18. This seems to be consistent with the other explanation saying the 

reduction in inhibitor performance was due to the precipitation of iron-phosphonate. 

Also this is in agreement with what proposed by Tomson that the presence of 

divalent metals such iron could enhance the inhibitor retention, which in turn extends 

the inhibitor lifetime [Tomson etal. 2003]. The two inhibitor exhibited different 

behavior for same solution conditions. This probably was due to the difference in 

their chemical and physical properties. Graham mentioned that the formation of seed 

particles of iron carbonate could provide multiple growth sites for calcite scale 

[Graham, 2003]. In both experiments no significant change in calcium 

concentrations was observed, even at the absence of the inhibitor. This probably 

was due to the low level of supersaturation of calcite, herein, at which the 

precipitation might occur. 

Rice University 79 



HO OH 
\ OH HQ_ / 

1 v_ „*• . 

Jf "1 HO , 
° \ \ -* 

H ^ 1 o 
'H 

HO 
/ "OH 

DTPMP {M.W. = 573 g/mol) 

Figure 5.15: Chemical structure of diethylenetriaminepenta(methylene phosphonic 
acid) (DTPMP), [Tomson, 2003].. 

0 
I 

HO—P=0 

HO j 

y 
HO' ^ 

OH 

X P . 

* 1 . 
v-v v-v. .NH ~ ,-x .-

• ^ X ^ % / X / X ^ V--' 

BHPMP(M.W.=-685g/mol) 

OH 
1 

HO— P = 3 

1 
"NH"* 

HO 

Figure 5.16: Chemical structure of bis-hexamethylenetriamine penta(methylene 
phosphonic acid (BHPMP), [Tomson, 2003]. 
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Figure 5.17: Influence of scale inhibitor (DTPMP) on the solubility of iron in batch 
system at 55 °C. (•) Calcium concentration in the presence of 10 ppm DTPMP. (x) 
Calcium concentration in the absence of scale inhibitor. (A) Iron concentration in the 
presence of 10 ppm DTPMP. ( • ) Iron concentration in the absence of scale 
inhibitor. 
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Figure 5.18: Influence of scale inhibitor (BHPMP) on the solubility of iron in batch 
system at 55 °C. (•) Calcium concentration in the presence of 10 ppm DTPMP. (x) 
Calcium concentration in the absence of scale inhibitor. (A) Iron concentration in the 
presence of 10 ppm DTPMP. (•) Iron concentration in the absence of scale 
inhibitor. 
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Citrate has been known as a good chelating agent against iron ions. It is 

commonly added to the mixing water during the scale removal and control 

treatments to prevent iron precipitation. Citrate was therefore investigated whether 

has influence on the solubility of iron carbonate. Different concentrations of citrate 

were added to a supersaturated solutions with siderite and calcite (Fe/Ca: 1/10) at 

55 °C in a batch system. Citrate did not show significant change on the solubility of 

iron at 9.4 and 94.7 ppm, Figure 5.19. However, it did improve the solubility of iron 

by 100 percent at very high concentration (947 ppm). It is economically inpractical 

to use high concentrations that result in a high treatment costs. Citrate may work 

more effectively at low levels of iron in solution. More work may need to be done in 

the future to investigate the performance of citrate on iron carbonate prevention at 

various solution conditions. 
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Figure 5.19: Influence of citrate on the solubility of iron in batch system at 55 °C. (x) 
Iron concentration in the absence of citrate. (A) Iron concentration in the presence 
of 9.47 ppm citrate. (•) Iron concentration in the presence of 94.7 ppm citrate. ( • ) 
Iron concentration in the presence of 947 ppm citrate. 

Rice University 82 



5.5 Molar Ratio of Iron-To-Calcium in The Precipitated 

Solid: 

5.5.1 Cumulative Molar Ratio: 

The actual molar ratio of ferrous iron-to-calcium in the mineral of mixed iron-

calcium carbonate is an important element during the design of the removal and 

control treatments. The amount of ferrous iron and calcium reacted with time during 

the experiment was calculated by subtracting the measured concentration in the 

solution from that calculated in the case of no reaction. Figure 5.20 shows the 

calculated cumulative molar ratios in two different experiments. They show two 

different molar ratios. The concentration of iron, calcium and bicarbonate in the 

influent in experiment E-011308 were 29.7, 2278 and 3850 mg/L, respectively. 

Conversely, their concentrations in E-011708 were 274.8, 2657, 4492 mg/L, 

respectively. High concentrations of ferrous iron and bicarbonate in the influent of 

the later resulted in more precipitation of siderite at the beginning of the experiment. 

Also, as shown previously, appreciable formation of calcium carbonate solid stopped 

the further precipitation of iron carbonate. Therefore, combining the two 

observations clearly explain that, in a small scale, the cumulative molar ratio was 

dependent on the amount of siderite initially precipitated. In addition, the two trends 

were shown to be parallel and separated with a constant value closely equivalent to 

the ratio of initial iron concentrations in the influent of the two experiments. 
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Figure 5.20: Molar ratio of ferrous iron to calcium in the precipitated solid. 

5.5.2 Instantaneous Molar Ratio: 

Knowing the instantaneous molar ratio in the precipitated solid is more 

practical than the cumulative molar ratio especially for a long-term period. The 

determination of the instantaneous molar ratio was done by considering the region at 

which the calcium carbonate and iron carbonated has started to precipitate 

simultaneously (Region 4, Figure 5.3). This region of instantaneous precipitation of 

the siderite and aragonite (or calcite) was shown to be approximately after two hours 

till the end of the CSTR experiment. The amount precipitated of calcium and iron at 

each time was calculated by subtracting the in-situ measured concentration from the 

calculated of no reaction (Eq. 4.4). Three different CSTR experiments were 

performed at 55 °C for this purpose. Table 5.3 summarizes the concentration of the 

E-011708 

t T 1 , , F - ? 1 1 ^ 
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constituent ions in the inflow stream in each experiment. As mentioned previously, 

in this region the calcium and iron precipitate together. Linear relation of calcium and 

iron concentrations with time was assumed in the simultaneous precipitation's region 

as shown in Figures 5.21 -26. It was found that the molar ratio of calcium to iron in 

the precipitated solid varied in each experiment. Their molar ratios in the precipitated 

solid were proportional to their molar ratios in the influent stream. The higher is the 

calcium to iron molar ration in the influent, the higher is the molar ratio in the 

precipitated solid, Table 5.4 and Figures 5.27 -29. Moreover, the relation between 

the molar ratio in the influent stream and that in the precipitated solid was 

investigated. This was performed by linearly plotting the ratio in the influent versus 

the ratio in the precipitated solid. It was calculated by two ways; (1) based on the 

actual measurement, and (2) from the linear correlations of the instantaneous 

precipitation region. Both results gave close results with R value greater than 0.99, 

Figure 5.30. The relation was found as follow: 

&*ti°son _ 2 ^ 0 _ . . . . 
~R^i~n E q ( 5 - 1 ) 

Where: 

Ratiosoiid: Calcium to iron molar ratio in the precipitated solid. 

Ratioinfiuent: Calcium to iron molar ratio in the influent. 

Since the constant value greater than one, thus, this reveals that calcium ion has a 

higher preference to precipitate than iron although the saturation index of calcium 

carbonate (calcite and aragonite) lower than the saturation index of siderite during 

the experiment. In addition, the calcite and/or aragonite have higher solubilities than 
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siderite. This can be explained by comparing the rate constant for the formation of 

calcium and iron complexes. And, the rate constant of the formation of metal-ligand 

complexes in water depends on two factors; (1) the characteristic water loss rate for 

the metal ion and (2) the outer sphere association constant for the metal-ligand pair 

(Pagenkopf 1978). The water molecules coordinated to a metal ion exchange with 

those in the solvent. The exchange mechanism involves water loss from the inner 

coordination sphere of the metal followed by rapid scavenging of the available site 

by another water molecule: 

M(OH2)n + OH2* = M(OH2)n-iOH2* + H20 Eq (5.2) 

Where, M, represent metal (Ca2+ and Fe2+). 

The rate of water exchange is dependent upon the particular metal ion. Gray and 

Langford reported that the calcium ion has higher water loss rate than ferrous iron, 

Figure 5.31 [Gray and Langford, 1968]. This may explain why the molar ratio of 

calcium to iron in the solid higher than their ratio in the solution. 

Table 5.3: Summary of the concentrations of the ions in each experiment. 

Exp# 

Fe2+ 

Ca2+ 

HC03" 

11308 
mmole/L 

0.53 
56.84 
63.11 

11708 
mmole/L 

4.92 
66.32 
73.63 

21208 
mmole/L 

12.17 
66.32 
73.63 
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Table 5.4: Relation between the ratio of calcium to iron in the influent and solid. 

Experiment # 

21208 

11708 

11308 

Influent 
Ratio (Ca/Fe), 
mmol/mmol 

5.45 

13.47 

106.20 

Measured 
Ratio (Ca/Fe), 
mmol/mmol 

5.28 

30.02 

254.15 

Calculated 

Ratio (Ca/Fe), 
mmol/mmol 

4.94 

28.78 

276.71 
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R2 = 0.9998 

y = 0.0327X + 6.5451 
R2 = 0.9428 
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Figure 5.21: Straight line correlation of the measured and calculated concentrations 
of iron in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate in the CSTR 
experiment (exp 011308). (•) Calculated concentration of ferrous iron. ( A ) 
Measured concentration of ferrous iron. 
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Figure 5.22: Straight line correlation of measured and calculated concentrations of 
calcium in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate (exp 011308). (•) 
Calculated concentration of calcium. (A ) Measured concentration of calcium. 
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Figure 5.23: Straight line correlation of measured and calculated concentrations of 
iron in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate (exp 011708). (•) 
Calculated concentration of ferrous iron. (A ) Measured concentration of ferrous 
iron. 
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Figure 5.24: Straight line correlation of measured and calculated concentrations of 
calcium in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate (exp 011708). (•) 
Calculated concentration of calcium. ( A ) Measured concentration of calcium. 
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Figure 5.25: Straight line correlation of measured and calculated concentrations of 
iron in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate (exp 021208). (•) 
Calculated concentration of calcium. (A ) Measured concentration of calcium. 
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Figure 5.26: Straight line correlation of measured and calculated concentrations of 
calcium in the region of simultaneous precipitation used in the calculation of 
simultaneous molar ratio of iron and calcium in the precipitate (exp 021208). (•) 
Calculated concentration of calcium. (A ) Measured concentration of calcium. 
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Figure 5.27: Ratio of calcium to iron in the precipitated solid, exp 011308. 
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Figure 5.28: Ratio of calcium to iron in the precipitated solid, exp 011708. 
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Figure 5.29: Ratio of calcium to iron in the precipitated solid, exp 021208. 
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Relation between molar ratio in inflow and in solid 
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Figure 5.30: Relation between calcium-ion molar ratio in influent and precipitated 
solid at 55 °C. (•) Based on the actual measurement. (•) Based on the correlation 
derived from straight line. 
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Figure 5.31: Water loss rate, [Pagenkopf]. 
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5.6 XRD and SEM Analysis: 

A total of six samples were collected for XRD and SEM analysis; three from 

CSTR experiments and another three from the batch experiments. The XRD 

analysis showed that the solid collected from the reactor containing only calcium 

was mixed calcite and aragonite. Whereas, the solid collected from the experiments 

of solution containing both ions of iron and calcium was entirely aragonite. This 

revealed that the presence of ferrous iron and/or sulfate in solution changed the 

calcium carbonate salt from the stable form (calcite) into a metastable form 

(aragonite). Aragonite typically has higher solubility than calcite but lower solubility 

than vaterite and other forms of amorphous calcium carbonate salts [Plummer et al., 

1982 and Brecevic et al., 1989]. These results are consistent with the results 

previously found (at 25 °C) by Herzong, et al., (1989) where they reported that 

ferrous iron strongly inhibited calcite growth but not aragonite growth and the trace 

amount of ferrous iron also inhibited the transformation of aragonite into calcite. 

Also, Langerak, et al., (1999) reported that iron did not inhibit the deposition of 

calcium carbonate; however it did inhibit the growth of calcite but not the formation of 

aragonite. 

Figures 5.32-35 show the crystal shape taken by SEM of solids collected 

from the experiments of pure iron carbonate, pure calcium carbonate and a mix of 

both, respectively. Pure iron carbonate (siderite) showed a poorly defined plate-like 

shape (Figure 5.32) whereas calcite showed trigonal-hexagonal shape, Figures 5.33 

and 5.34. Conversely, the shape of mix-iron-calcium carbonate was strongly 

dependant on the iron calcium molar ratio. Its crystal shape varied between the 
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poorly defined shape of siderite and the well-organized crystalline shape of calcite. 

It was shown to be closer to the crystal shape of siderite when the iron content is 

high and closer to calcite when the iron content was low, Figures 5.35 to 37. 
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Figure 5.32: Pure iron carbonate (Siderite), Batch System at 55 °C. 
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Figure 5.33: Pure calcium carbonate (Calcite), CSTR at 55 °C. 
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Figure 5.34: Pure calcium carbonate (Calcite), from Fisher Chemical. 

Photo 5.35: Mixed iron-calcium carbonate at molar ratio iron-to-calcium 1:10 (Batch 
System at 55 °C) 
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Figure 5.36: Mixed iron-calcium carbonate at molar ratio iron-to-calcium 1:50 (Batch 
System at 55 °C) 
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Figure 5.37: Mixed iron-calcium carbonate (CSTR at 55 °C). 
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CHAPTER 6 

6.1 Conclusion 

Presence of calcium in solution containing ferrous iron was found to have a 

large influence on increasing the apparent solubility of siderite. Whereas, the 

presence of iron did not show significant increase in the solubility of calcium 

concentration under same conditions. Also, the presence of calcium was shown to 

slightly reduce the effect of temperature on the precipitation of siderite. 

Four zones of interaction between ferrous iron and calcium ions were 

distinguished during the continuous feeding experiments at 55 °C. The first zone 

represented a transition of solution from a stable state (undersaturation) to a 

metastable state (supersaturation). A precipitation of siderite at SISiderite ~1-5 was 

observed in the second zone. While, the third zone displayed an inhibition of 

nucleation and growth of siderite when the precipitation of calcium carbonate had 

started at Slaragointe ~2.0. The fourth zone showed a simultaneous precipitation of 

both calcium carbonate and iron carbonate. 

The solid analysis showed that presence of ferrous iron in solution inhibited 

the calcite growth but did not inhibit the formation of metastable aragonite. The 

crystals of pure iron carbonate (siderite) had a poorly defined plate-like shape while 

the crystal shape of the solid of mixed iron-calcium carbonate varied and became 

more organized and close to the crystal shape of calcite when the molar ratio of 

calcium in the precipitated solid increased. 

The molar ratio of ferrous iron to calcium in the solid formed in the solution 

was determined from the region of instantaneous precipitation of both calcium 
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carbonate and iron carbonate (Region-4). The ratios were not equal in the all 

experiments and found to be proportional to the ratio of calcium and iron ions in the 

inflow stream. Also the relation between the ratios of calcium and iron in solid and in 

inflow stream was determined in solution of 0.5 M NaCI and 55 °C. The following 

relation has been found: Ratl°s<>'ld = 2.39. 
R a t i ° Influent 

6.2 Future Work 

This work was conducted as a preparation for research on iron sulfide 

precipitation kinetics. This is because the both topics, iron-calcium carbonate and 

iron sulfide, require a well maintained anoxic experiment design to avoid oxidation of 

ferrous iron to ferric iron. It is recommended that in the future similar experiments be 

performed over a wider range of solution conditions such as temperature (20- 90 °C) 

and ionic strength (0.1 - 1.5 M). In addition, the effect of sulfate instead of iron on 

the formation of aragonite should be investigated. This can be done by using ferrous 

iron chloride instead of ferrous iron sulfate as an iron source. Also, it is 

recommended to run the experiments in plug flow reactor rather than batch system 

to investigate the effects of the change in the flow rate on the precipitation of iron 

carbonate and calcium carbonate. 
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