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ABSTRACT  21 

Carbon dioxide (CO2) mineralogical sequestration using oil-field brines (above-ground 22 

field brines) is gaining attention for the storage of CO2 into stable mineral carbonates. 23 

This involves complex processes that are affected by brine composition, pressure, 24 

temperature and pH where the latter is the key parameter, as carbonation conversion rates 25 

and the specific carbonates species formed are strongly dependent on pH. This study 26 

investigates the effect of iron (Fe) in the pH of three synthetic brines prepared as 27 

analogue to oil-field brine by combining a number of experimental and modelling tools to 28 

elucidate whether or not Fe speciation may affect the pH of brines. X-Ray powder 29 

Diffraction (XRD) analyses were also carried out to characterise the mineralogy of the 30 

synthetic brines. Results indicate that the Fe speciation affects the pH of oil-field brines; 31 

brines containing Fe3+ experiment a rapid increase of the pH as a consequence of Fe2O3 32 

precipitation by aging of Fe(OH)3 under alkaline conditions. Brines containing Fe2+ show 33 

a sharp drop of the pH as a result of air oxidation of highly alkaline Fe(OH)2 suspension 34 

induced by KOH addition by means of dissolution-oxidation-crystallisation mechanism 35 

where particles of Fe(OH)2 provide the substrate for the γ-FeO(OH) growth. The master 36 

variable governing the rates at which these compounds form is pH. 37 

 38 

Keywords: CO2; mineralogical sequestration; oil-field brines; above-ground brines; 39 

modelling tools. 40 

 41 

 42 
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1. INTRODUCTION 44 

Carbon dioxide (CO2) mineral sequestration using brines is gaining attention for the 45 

storage of CO2 into stable mineral carbonates [1]. Brines are commonly found either 46 

underground, namely underground brines in saline aquifers, or above-ground, most 47 

notably as a by-product of oil and natural gas extraction and known as oil-field brines, 48 

and its fate is mainly disposal [2]. However, oil-field brines (above-ground brines) could 49 

also be a promising approach to sequester CO2 as they are produced in large volumes [3-50 

4]. 51 

 52 

Brines in addition to the dominant Na and Cl ions [5], also have significant 53 

concentrations of Ca, Mg and Fe, which react with CO2 to produce CaCO3(s), MgCO3(s), 54 

Fe2CO3(s) and other products under favourable conditions. However, most both under and 55 

above-ground brines are generally acidic in nature with a typical pH ranging from 3 to 5 56 

[3], so that carbonates will not form in this pH range. The suitable pH range for formation 57 

of carbonate is 7.8 or higher [6], where CO3
2- dominates. Therefore, to boost the 58 

precipitation of mineral carbonates by reaction between brine and CO2, the pH of the 59 

brine must be modified e.g. by caustic addition before it can be used for the carbonation 60 

reaction [3].  61 

 62 

In this regard, a factor that should be considered as the first step to boost the precipitation 63 

of mineral carbonates by the increase of the pH in above-ground brines is Fe speciation. 64 

The  hydrolysis of ferrous (Fe2+) and ferric (Fe3+) in aqueous solutions involves pH 65 

changes because of the formation of a variety of partially oxidized meta-stable Fe2+-Fe3+ 66 
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aqueous complexes, which could prevent oil-field brines from using for CO2 mineral 67 

carbonation. Fe2+ show high solubility in aqueous solutions, whereas Fe3+ shows a 68 

stepwise solubility at pH>1.0 [7]. The Fe2+-hexaquo-complex [Fe (H2O) 6]2+, which is 69 

present in acid solutions, hydrolyses by the formation of FeOH+ and precipitates as the 70 

hydroxides Fe(OH)2 upon increasing the pH value (Bard et al., 1985). Fe3+ exist only in 71 

acidic solutions (pH <2.5) as the hexaquo-complex Fe(H2O) 6
3+, which increasing pH is 72 

subsequently transformed to mono- and the dyhidroxo-complexes. In the pH range ≤ 5 at 73 

least four different Fe3+ ions coexist in aqueous solution: Fe3+; Fe (OH)2+; Fe(OH)+
2 and 74 

the dimer Fe2(OH)4
2+ [8]. The spontaneous chemical oxidation of Fe2+ to Fe3+ by O2 is 75 

also a complex process involving pH changes with a variety of partially oxidized meta-76 

stable Fe2+-Fe3+ intermediate species, which ultimately transform into a variety of stable 77 

Fe-oxide end-products such as hematite (Fe2O3), magnetite (Fe3O4), goethite (α-FeOOH), 78 

and lepidocrocite (γ-FeOOH) [9]. These crystalline products form by competing 79 

mechanisms and the proportion of each in the final product depends on the relative rates 80 

of formation. The master variable governing the rates at which these compounds form is 81 

pH. Other important factors are temperature and the presence of additives. 82 

 83 

Although the conditions governing Fe chemistry under different environments have been 84 

identified by the above mentioned researchers among others, the role of Fe speciation in 85 

above-ground brines aimed at mineral sequestration of CO2 and how it can affect brine 86 

composition and pH has not been elucidated yet. Druckenmiller and Maroto-Valer [4] 87 

reported that brines with low Fe concentration (9 ppm) showed a pH relatively constant 88 

after addition of a strong base. By contrast, brines with high Fe concentration (121-476 89 
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ppm) had a rapid decline in pH during the first hours, after which the decline seemed to 90 

level off. However, it was not ascertained whether Fe2+ or Fe3+ caused the pH drop in 91 

their study.  92 

 93 

With the advent of making CO2 sequestration through mineral carbonate formation a 94 

viable approach by using oil-field brines, the role of Fe speciation in oil-field brines pH 95 

needs to be elucidated to reach suitable pH range for further formation of carbonate. 96 

Towards this goal, this work i) studies the evolution of the pH in three synthetic brines 97 

with different composition prepared as analogues to an oil-field brine; ii) investigates the 98 

effect of Fe in the pH of the three above-ground brines when adjusting the pH; and iii) 99 

elucidates the role of Fe speciation in brines when adjusting the pH by combining a 100 

number of experimental tools and a geochemical model based on acquired experimental 101 

data. To reproduce experimental conditions when attempting to use oil-field brine for 102 

carbon sequestration, ambient temperature and ambient pressure conditions were chosen 103 

for pH studies and modelling calculations. 104 

 105 

2. METHODOLOGY 106 

2.1 Brine preparation  107 

Three different synthetic brines, namely B1, B2 and B3, were prepared as an analogue to 108 

the natural brine (OH-2) which comes from a natural gas well in Youngstown, Ohio [4]. 109 

Owing to the complex composition of natural brines, only major ions were considered to 110 

prepare the three synthetic brines, including Na+, K+, Mg2+, Ca2+ , Fe3+/Fe2+, Sr2+, 111 

Ba2+and Cl-.  112 
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Brines with their corresponding duplicates were synthesised by dissolving NaCl, KCl, 113 

MgCl2·6H2O, CaCl2·2H2O, FeCl3/FeCl2, SrCl2 and BaCl2·2H2O (Sigma-Aldrich) in 114 

Milli-Q water. Solutions were mixed in a beaker thoroughly with magnetic stirrers until a 115 

complete dissolution was attained. After this procedure, 20 mL of each B1, B2, and B3 116 

was filtered by glass-fibre filter of 0.2µm pore size and acidified with HNO3 to prevent 117 

oxidation of ions and stabilize the metal concentration. Brine aqueous phases were then 118 

analysed by Inductively Coupled Plasma Mass Spectrometry (ICP-MS) by the X-SERIES 119 

II device from Thermo Fisher SCIENTIFIC to determine the concentration of the 120 

aforementioned major ions in order to compare them with target values. The quantitative 121 

analyses were performed with an external calibration, using an external standard of 122 

similar matrix to the samples, which covered concentrations range expected forming the 123 

calibration lines. The internal correction was carried out by means of an internal standard 124 

(In 10 ppb).  125 

 126 

Brine compositions only differ in the type of Fe present in the aqueous phase of brines, 127 

with Brine B1, B2, and B3, containing Fe3+, Fe2+, and non-Fe, respectively. 128 

 129 

2.2 pH stability studies  130 

The pH evolution was studied at ambient temperature and pressure in open atmospheres 131 

using B1, B2, and B3 over a period of 8-14 days. According to the previous study [4], it 132 

was preliminarily determined to raise the pH from the initial values to an upper limit 133 

below the point at which Fe hydroxide precipitates. According to a Fe-H2O system, in a 134 
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solution containing Fe2+, iron hydroxide has a much lower solubility product than the 135 

hydroxyl forms of the other abundant cationic species [7].  136 

 137 

Because the analogue brine selected in this study showed a high Fe composition from 138 

which a pH of 6.8 would promote precipitation, a pH value of approximately 6.3 was 139 

selected for the pH stability of B1 and B2, and thus providing an upper limit well below 140 

6.8. For B3 a pH value of 9.0 was selected as the target as the initial pH of B3 was higher 141 

than 6.3.  The precipitation of mineral carbonates is mostly dependent on brine pH and it 142 

is favoured above a basic pH of 9.0. 143 

 144 

In each pH stability experiment, 100 mL of fresh synthetic brine was poured into a 250 145 

mL conical flask. The brine solution was mixed effectively and continuously throughout 146 

the experiment by using a magnetic stirrer. The pH variation with time was measured by 147 

a Thermo Orion 420A+ bench top pH meter. The brine pH was raised to above 6.3 or 9.0 148 

initially by adding 1.0 M KOH solution. After the brine pHs were raised to the desired 149 

values (6.3 or 9.0), addition of KOH was stopped and time set as zero. pH measurements 150 

were then made every 5 to 10 minutes for the first 2h, then every 1 hour. After the first 12 151 

h, pH was measured every 12h. When the brine pH was stable around ±0.2 continuously 152 

for 3 days, the stability study was then completed. The brine solutions were then filtrated 153 

by using cellulose nitrate membrane filters (0.45µm pore size) and the solid residue was 154 

saved for further XRD analysis. The error for pH measurement was ±0.02 owing to the 155 

calibration of pH probe (every 2h for the first 12h and thereafter every 24h) and the 156 

variation of laboratory room temperature. 157 
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2.3 Mineralogical composition of solid phases 158 

X-Ray powder Diffraction (XRD) analyses were carried out to determine the 159 

mineralogical composition and solid species of brines after KOH addition. Analyses were 160 

carried out by using a HILTONBROOKS diffractometer with monochromatic Cu Kα1,2 161 

radiation operated at 40KV and 20mA, from 4-60° 2θ, at a step size of 0.05°, and scan 162 

rate of 3s/step. The classification of ground soil particles was carried out by a Coulter 163 

Laser Scattering analyser employing Fraunhofer diffraction (LS 200, Variable-Speed 164 

Fluid Module Plus (VSM+)). 165 

 166 

2.4 Geochemical modelling 167 

Theoretical calculations with the PHREEQC code (version 2.0) and the coupled 168 

thermodynamic database Lawrence Livermore National Laboratory (LLNL) are used 169 

herein to calculate the 1) aqueous speciation of the synthetic brines and saturation index 170 

(SI) of Fe minerals with the progressive addition of KOH; and 2) pH evolution of 171 

synthetic brines with the progressive addition of KOH. As a result of the different 172 

speciation of Fe in the synthetic brines, the kinetic oxidation of Fe in B2 with the 173 

progressive addition of KOH on the pH stabilisation over 8 days was also modelled.  174 

 175 

The modelling calculations were conducted by using experimental pressure and 176 

temperature conditions as well as the chemical composition and pH values of the three 177 

brines under which the process takes place as input data. Detailed description of the 178 

model is provided as supporting information. The theoretical results from the model were 179 

then compared to experimentally derived results on the same system. 180 
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3. RESULTS AND DISCUSSION  181 

3.1 pH studies  182 

The pH values of brines and the experimental parameters in the pH stability studies are 183 

given in Table 1. 184 

 185 

The results of pH studies for B1 over a period of 192 h (8 days) are shown in Figure 1a. 186 

B1 duplicates, namely B1A and B1B, containing Fe3+ show an initial pH of 1.68 and 187 

1.70, respectively (Table 1). The B1A and B1B pHs were therefore adjusted to ~ 6.3, an 188 

upper pH limit but below the point at which Fe(OH)2 precipitates (~7.0 to 9.0.), by the 189 

addition of KOH. The evolution of the pH of the B1 against time shows that the pH 190 

fluctuates over the first 48 h, after which it remains (±0.2 pH) stable till the end of the 191 

experiment. Over a run period of 8 days, B1A and B1B reach pH values of 6.41 and 6.36, 192 

respectively (Table 1).  193 

 194 

The evolution of pH for B2 over a period of 192 h (8 days) is shown in Figure 1c. B2 195 

duplicates, namely B2A and B2B, containing Fe2+ shows an initial pH of 3.44 and 3.45, 196 

respectively (Table 1). The B2A and B2B pHs were also adjusted to an upper pH limit 197 

but below the point at which Fe(OH)2 precipitates(~7.0 to 9.0.) Accordingly, B2A and 198 

B2B pHs were adjusted to~ 6.3 by KOH addition. Results show that B2 experiences a 199 

sharp drop of the pH over the first 24 h with a gradual decrease until it stabilises (±0.2 200 

pH)  after 192 h. Over a run period of 8 days, B2A and B2B reach pH values of 2.86.  201 

 202 
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The evolution of pH for B3 over a period of 336 h (14 days) is shown in Figure 1e. B3 203 

and a duplicate, namely B3A and B3B, containing no Fe shows an initial pH of 6.58-204 

6.59, respectively (Table 1). Owing to the absence of Fe in this brine, B3A and B3B pHs 205 

were adjusted to ~ 9.0. Results show that B3 experiences a gradual drop of the pH along 206 

the experiment until it stabilises after 336 h. Over a run period of 14 days, B3A and B3B 207 

reach pH values of 7.57 and 7.52, respectively (Table 1).  208 

 209 

The different pH patterns between B1 and B2 indicate that the pH of brines is highly 210 

affected by the Fe speciation. However, it should also be noted that B3 reaches pH 211 

stability (±0.2 pH) after a longer time period when compared with B1 and B2, which is 212 

also indicative that the absence of Fe affects the pH stability of brines. 213 

 214 

3.2 Characterisation of brines  215 

The composition of the natural brine (OH-2) and prepared synthetic brines is shown in 216 

Table 2.  217 

 218 

3.2.1 Identification of solid phases in brines  219 

The XRD analysis revealed that NaCl and Fe2O3 are the crystalline phases detected in B1 220 

(Figure 2a). It should be noted that B1 showed a low crystallinity and small crystalline 221 

sizes, which caused most diffraction patterns to have poor signal to noise ratios and very 222 

broad peaks. Crystalline phases detected in B2 (Figure 2b) are γ-FeO(OH) and NaCl 223 

whereas NaCl is the only crystalline phase detected in B3 (Figure 2c). 224 

 225 
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The identification of γ-FeO(OH) in the B2 solid phase suggests an oxidation of Fe2+ to 226 

Fe3+ in the B2 aqueous phase, where Fe2+ would be oxidised and hydrolysed to γ-227 

FeO(OH) when adjusting the B2 aqueous phase pH via KOH addition. Therefore, it can 228 

be stated that the different mineralogical composition of brines following pH adjustment 229 

is caused by the different Fe speciation in their corresponding aqueous phases.  230 

 231 

3.2.2 Aqueous speciation of brines  232 

Geochemical modelling reveals, with the exception of Fe, no significant differences in 233 

the B1 (pH 1.68-1.70), B2 (pH 3.43-3.45), and B3 (pH 6.58-6.59) aqueous phases despite 234 

the KOH addition (Table 3). Ca and Na as free cations (Xn, n+1, + 2) are the predominant 235 

aqueous complexes in all the brines followed by K, Mg, and Sr. 236 

 237 

3.2.2.1 Fe3+ effect on aqueous speciation  238 

The geochemical modelling indicates that the addition of KOH to B1 produces a slight 239 

increase of pH from 1.68 to 1.74 (Figure 1b). However, experimentally, B1 pH initially 240 

fluctuates, but it remains stable (±0.2 pH) at the end of the experiment at 6.41pH (Figure 241 

1a). The differences between the B1 experimental and modelling pH pattern could be 242 

related to either geochemical modelling accounting for equilibrium reactions involving 243 

Fe, and/or the pH stability of Fe species non-detected by XRD.  244 

 245 

According to the geochemical modelling, prior to the KOH addition, the B1 aqueous 246 

phase is oversaturated (SI = IAP/K >0) with respect to Fe2O3 (SI value of 3.28) and α-247 

FeOOH (SI 1.13) and Fe3+ as free cation followed by FeOH2+, Fe(OH)2
+, Fe3(OH)2

4+, 248 
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Fe(OH)4
5+, and Fe(OH)3 are the Fe-aqueous complexes with highest activities at the 249 

initial pH of 1.69. The occurrence of the Fe aqueous complexes in the B1 aqueous phase 250 

promotes the acidification of the aqueous phase according to the reactions:  251 

 252 

Fe3+ (aq) + H2O ↔ FeOH2+ (aq) + H+       (R1) 253 

 254 

Fe3+ (aq) + 2H2O ↔ Fe (OH)2
+ (aq) + 2H+      (R2) 255 

 256 

2Fe3+ (aq) + 2H2O ↔ Fe2(OH)2
4+ (aq) + 2H+      (R3) 257 

 258 

3Fe3+ (aq) + 4H2O ↔ Fe3(OH)4
5+ (aq) + 4H+      (R4) 259 

 260 

Fe3+ (aq) + 3H2O ↔ Fe (OH)3(aq) + 3H+      (R5) 261 

 262 

where Fe-aqueous complexes from R1 to R5 remain in the B1 aqueous phase under 263 

acidic conditions. 264 

 265 

When modelling the KOH addition, the geochemical modelling predicts, in addition to 266 

the occurrence of the above mentioned Fe-aqueous complexes, the occurrence of Fe2+, 267 

FeOH+, Fe(OH)2,  and Fe (OH)3
- and a pH (Figure 1b) showing a different pattern to that 268 

of the experimental pH (Figure 1a). The geochemical modelling also predicts the 269 

oversaturation of the B1 aqueous phase with respect to Fe2O3 (SI of 7.77) and α-FeOOH 270 

(SI of 2.87). The modelled pH pattern and the occurrence of Fe2+, FeOH+, Fe(OH)2,  and 271 
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Fe (OH)3
- complexes would be consistent with the reduction of Fe3+ and Fe3+-aqueous 272 

complexes when adding KOH. Therefore, it is postulated that Fe3+
 as a free cation, whose 273 

activity decreases after KOH addition, would be reduced to Fe2+ whose activity is the 274 

highest among Fe2+-aqueous complexes in the B1 aqueous phase after KOH addition 275 

(Table 3) according to: 276 

 277 

4Fe3+ + 4OH-↔ 4Fe2 + (aq) + 2H2O + O2 (aq)
      (R6) 278 

 279 

Fe2+ from R6 would be solvated forming FeOH+ and Fe(OH)2 aqueous complexes, 280 

respectively, acidifying once again the B1 aqueous phase according to: 281 

 282 

Fe2 + (aq) + H2O ↔ FeOH+ + H+       (R7) 283 

 284 

 Fe2 + (aq) + H2O ↔Fe(OH)2 + 2H+       (R8) 285 

 286 

The viability of R7 and R8 depends on 1) the thermodynamic feasibility of R6, where 287 

KOH would reduce Fe3+ to Fe2+ since the estimation of the Gibbs standard free energy of 288 

formation (ΔGº) or chemical potential translated in terms of redox potential infers the fact 289 

that the reduction of Fe3+ in the B1 aqueous phase is thermodynamically possible, and on 290 

2) the kinetics of R6. Therefore, the slight raise in the modelled B1 pH despite the KOH 291 

addition would be the result of a number of successive reactions: 1) the release of the H+ 292 

by the formation of Fe3+ aqueous complexes (R1-R5); 2) the reduction of Fe3+ to Fe2+ by 293 
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OH- from KOH (R6); and 3) the formation of FeOH+ and Fe(OH)2  complexes by 294 

Fe2+solvation, which acidifies the B1 aqueous phase (R7and R8). 295 

 296 

By contrast, the experimental pH pattern of B1 (Figure 1a) would be consistent with the 297 

precipitation of Fe3+ in the B1 aqueous phase as Fe(OH)3  via KOH addition according to:  298 

 299 

Fe3+ (aq) + 3OH-↔ Fe(OH)3 (s)       (R9) 300 

 301 

Because Fe(OH)3 is not detected by XRD,  it is postulated that Fe(OH)3 (s) could have 302 

turned into α-Fe2O3 (s) by aging, which would be in agreement with detection of  Fe2O3 (s) 303 

in the B1 solid phase by XRD (Figure 2b) and with the alkaline experimental conditions 304 

under which the experiments were carried out. However, it should be noted that this does 305 

not rule out the occurrence of other crystalline or solid phases which concentration is not 306 

high enough (1%) to be detected by XRD and/or a formation of amorphous Fe solid 307 

phase, which cannot be detected by XRD. Several investigations about the constitution 308 

and aging of precipitated hydrous Fe3+oxide gels [10-14] obtained amorphous non-309 

stoichiometry hydroxides by addition of bases to Fe3+ solutions which were not detected 310 

by XRD.  311 

 312 

This finding is in line with previous works on Fe speciation and precipitation processes. 313 

Feitknecht and Wytlenbach [15] reported the occurrence of FeOOH and Fe2O3 as a the 314 

result of the Fe(OH)3.nH2O aging by agitation with KOH whereas Kasuaki [16] formed 315 

α-FeOOH particles under an alkaline environment (NaOH) at 200ºC for 5 hours. Cornell 316 
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et al [17] reported that alkaline solutions promote the change of Fe2O3.½ H2O and 5Fe2O3 317 

.9H2O into FeOOH and Fe2O3 (s). Therefore, the experimental pH pattern in the B1 318 

aqueous phase might be due to the formation of Fe2O3 (s) by aging of Fe(OH)3 (s).  319 

Hence, the Fe3+ effect on B1 aqueous speciation and pH lies in the role that KOH could 320 

play in R6 (modelling) and R9 (experimental), respectively. The former would 321 

demonstrate the feasibility of KOH to reduce Fe3+ to Fe2+ since the estimation of the ΔGº 322 

of formation according to R6 or chemical potential translated in terms of redox potential 323 

infers the fact that the reduction of Fe3+ in the B1 aqueous phase is thermodynamically 324 

possible. The latter demonstrates the feasibility of KOH to react with Fe3+ to form 325 

Fe(OH)3 from which the Fe2O3 (s) by aging can be formed, as observed experimentally. 326 

 327 

3.2.2.2 Fe2+ effect on aqueous speciation  328 

The geochemical modelling also indicates a different pH pattern between the initial 329 

modelled and the experimental pH for B2. In the initial model, the pH slightly increases 330 

at the beginning of the experiment (Figure 1d) as opposed to a decreasing pH trend in the 331 

experiment after the KOH addition as time progresses (Figure 1c).  332 

 333 

Because γ-FeO(OH) (γ-Fe3+O(OH)) is the only Fe crystalline phase detected in the B2 334 

solid phase (Figure 2b), the oxidation of Fe2+ to Fe3+ was identified as the cause of the 335 

experimental B2 pH value and the different pattern between the experimental and 336 

modelled pH values in the B2 aqueous phase (Figure 1c and d). The experimental pH 337 

would be consistent with a rapid kinetic oxidation of Fe2+ to Fe3+ that would give rise to 338 

the formation of hydroxy-complexes of Fe3+ that progressively lower the B2 pH (2.86). 339 
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By contrast, the modelled rise in pH would be consistent with a slowly oxidation of Fe2+ 340 

to Fe3+ by forming hydroxy-complexes of Fe3+ resulting in a slight increase of the B2 pH.  341 

Based on Fe-hydroxide compounds occurring under reducing and weakly acid to weakly 342 

alkaline conditions as intermediate phases in the formation of Fe oxides such as α-343 

FeO(OH), γ-FeO(OH), Fe3O4 [17-19], the oxidation of Fe2+ to Fe3+ and its subsequent 344 

transformation to γ-FeO(OH) through oxygen dissolution in a highly alkaline B2 aqueous 345 

phase is proposed. Therefore, the 1) aqueous speciation and 2) pH pattern for B2 346 

considering the kinetic oxidation of Fe2+ to Fe3+ with the progressive addition of KOH 347 

over 8 days were modelled. 348 

 349 

The oxidation of Fe2+ to Fe3+ through O2 dissolution in a highly alkaline B2 aqueous 350 

phase, modelled using B2 aqueous phase chemical composition as input data, was based 351 

on the rate of oxidation of Fe2+ by O2 in water given by Singer and Stumm [20]: 352 

 353 

	
2.92 1.33 	 	      (Eq 1) 354 

 355 

where t is time in seconds,  is the activity of the hydroxyl ion,  is the total 356 

molality of Fe2+ iron in the B2 aqueous phase, and P   is the oxygen partial pressure 357 

(atm). Detailed description of the model here is provided as supporting information.  358 

 359 

The kinetic modelling consisting of the B2 aqueous speciation over the 8 days of 360 

simulation (Figure 3) shows that the molality of Fe3+ against time increases whereas the 361 

molality of Fe2+ against time is initially constant, but lessens as the reaction progresses, 362 
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which is consistent with Eq 1. The kinetic model consisting of the B2 pH over the 8 days 363 

of simulation shows, as expected, a decrease of the pH value (Figure 4). As can be 364 

observed in the pH model, the initial pH of the B2 (6.35) experiences a sharp drop over 365 

the first day of simulation and a soft decrease between the 3rd and 8th day of simulation 366 

(Figure 4). The modelled pH reaches the stability with the B2 solution at 3.10, which is 367 

nearly in line with the experimental B2 pH (2.86). The time for complete oxidation of 368 

Fe2+ is a matter of minutes in an aerated solution when pH is ~7.0. However, Fe3+ forms 369 

aqueous complexes with OH- precipitating as Fe oxy-hydroxides, so that pH decreases 370 

during oxidation. Because the rate has quadratic dependence on the activity of OH-, the 371 

oxidation rate in the B2 aqueous phase rapidly increases.  372 

 373 

The modelling results presented above along with the experimental analyses allow us to 374 

propose three pathways for γ-FeO(OH) formation via air oxidation of a highly alkaline 375 

Fe(OH)2 suspension in the B2 aqueous phase by means of dissolution-oxidation-376 

crystallisation mechanism, in which the initial particles of Fe(OH)2 would provide the 377 

substrate for the γ-FeO(OH) growth. These formation pathways are based on the 378 

occurrence of Fe3+-complexes showing the highest activities in the B2 aqueous phase 379 

when modelling KOH addition (Table 3). Accordingly, it is proposed that in line with the 380 

B2 composition, when Fe2+ is immersed in the B2 aqueous phase Fe(OH)2 is formed as 381 

the primary product under the alkaline conditions by KOH addition in a two-step 382 

formation process: 383 

 384 

Fe2+ (aq) + 2OH- 
(aq) ↔ Fe(OH)+

 (aq) + OH- (aq)  ↔ Fe(OH)2    (R11) 385 
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As the R11 proceeds, dissolved Fe2+ is consumed and the solution becomes saturated 386 

with respect to Fe (OH) 2 involving the formation of green rust. According to previous 387 

studies [21-22], this phenomenon is characteristic of Fe(OH)2 formation. Green rust is the 388 

precursor from which the oxidation of Fe2+ ions and formation of brown-black rust 389 

characteristic of γ-FeO(OH) take place. 390 

 391 

In the first γ-FeO(OH) formation pathway, Fe(OH)2 (s) produced in reaction R11 would 392 

immediately be oxidised precipitating the highly insoluble γ-FeO(OH) as the time 393 

progresses:   394 

 395 

Fe(OH)2 (aq) + ¼O2(aq) ↔ γ-FeO(OH) (s) + ½H2O     (R12) 396 

 397 

An overall reaction is obtained by combining R11 and R12 resulting in the γ-FeO(OH) (s) 398 

precipitation: 399 

 400 

Fe2+
 (aq) + 2OH- 

(aq) + ¼O2 (aq) ↔ γ-FeO(OH) (s) + ½H2O    (R13) 401 

 402 

The second mechanism for γ-FeO(OH) formation via air oxidation of highly alkaline 403 

Fe(OH)2 suspension in the B2 aqueous phase would involve R11 and a reaction sequence 404 

as follows: 405 

 406 

 Fe(OH)2 (aq) + ¼O2(aq) +  ½H2O ↔ Fe(OH)3 (aq)       (R14) 407 
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Fe(OH)3 (aq)  produced in reaction R14 would immediately react with OH- resulting in the 408 

Fe(OH)4
-
(aq)  formation and subsequent dissociation into γ-FeO(OH):   409 

 410 

Fe(OH)3(aq) + OH-
(aq)  ↔ Fe(OH)4

-
(aq)  ↔ γ-FeO(OH) + H2O + OH-   (R15) 411 

 412 

An overall reaction is obtained by combining R11, R14, and R15 resulting in the γ-413 

FeO(OH) (s) precipitation as the time progresses: 414 

 415 

Fe2+ (aq) + 2OH-
(aq) +  ¼O2 (aq) ↔  γ-FeO(OH) + ½H2O    (R16) 416 

 417 

The third mechanism for γ-FeO(OH) formation via air oxidation of highly alkaline 418 

Fe(OH)2 suspension in the B2 aqueous phase, would involve R11 and a reaction sequence 419 

as follows: 420 

 421 

Fe(OH)2 (aq) + OH-
 ↔ Fe(OH)3

-
(aq)         (R17) 422 

 423 

Fe(OH)3
- (aq)  produced in reaction R17 would immediately be oxidised resulting in the 424 

Fe(OH)3 (aq):   425 

 426 

Fe(OH)3
-
(aq)  +  ¼O2(aq) + ½H2O  ↔ Fe(OH)3 (aq)  + OH-    (R18) 427 

 428 

which dissociates into γ-FeO(OH) (s): 429 

 430 
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Fe(OH)3(aq) ↔ γ-FeO(OH) (s) + H2O       (R19) 431 

 432 

An overall reaction is obtained by combining R11, R17, R18 and R19 resulting in the γ-433 

FeO(OH) precipitation as the time progresses: 434 

 435 

Fe(OH)2 (aq) + ¼O2(aq) + OH-
(aq)  ↔ γ-FeO(OH) + ½H2O  + OH-   (R20) 436 

 437 

As it can be observed above, R13, R16 and R20 follow different pathways for the γ-438 

FeO(OH) formation involving the occurrence of different Fe-aqueous complexes but all 439 

of them end in the same final reaction for γ-FeO(OH).  440 

 441 

The thermodynamic reliability of the proposed pathways for γ-FeO(OH) formation 442 

according to R13, R16, and R20 can be demonstrated by comparing the actual IAP 443 

obtained from the experimental data  from the B2 aqueous phase and the equilibrium 444 

constant (K) of the γ-FeO(OH) formation calculated from the Gibbs free energy (ΔGº) 445 

according to R13, R16, and R20. The IAP is calculated as:    446 

 447 

IAPR13, R16, R20  = [a (γ-FeO(OH)) x a(H2O) ½] / [a(Fe2+) x a(OH-)2 x a(O2)¼] (R21) 448 

 449 

where a(FeO(OH)) is assumed to be the unity, a(OH-) and a(Fe2+) are calculated from 450 

their solute concentrations and the extended Debye-Huckel model (PHREEQc), and 451 

a(O2) is equated with its partial atmospheric pressure (P ). The IAP calculated for the 452 

B2 is 101.32 below1054.68, which is the equilibrium constant of the γ-FeO(OH) formation 453 
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calculated at 25ºC. The IAPR13, R16, R20 <K confirms the feasibility of the proposed 454 

processes for γ-FeO(OH) formation.  455 

 456 

Based on this evidence, it can be concluded that the decrease of pH for B2 is caused by 457 

the formation of γ-FeO(OH) particles by air oxidation of highly alkaline Fe(OH)2 458 

suspension induced by KOH addition in the B2 aqueous phase by means of dissolution-459 

oxidation-crystallisation mechanism. The initial particles of Fe(OH)2 provide the 460 

substrate for the γ-FeO(OH) growth. Fe3+ forms solute complexes with OH- precipitating 461 

as Fe oxy-hydroxides, so that pH decreases during oxidation. The feasibility of the 462 

oxidation of Fe2+ to Fe3+ by the three proposed pathways is confirmed by 1) the kinetic 463 

modelling based on the Fe oxidation over 8 days of simulation; 2) the IAP R13, R16, R20 <K 464 

γ-FeO(OH) formation in B2; and 3) the identification of γ-FeO(OH) by XRD. According 465 

to the activity of Fe complexes in the B2 aqueous phase, the first proposed mechanism 466 

may be considered as the main mechanism of γ-FeO(OH) formation.  467 

 468 

3.2.2.3 Aqueous speciation in Fe-free brines  469 

The geochemical modelling also indicates a different pH pattern between the modelled 470 

and the experimental pH for B3. Figure 1f shows that the modelled pH increases when 471 

adding KOH whereas the experimental pH (Figure 1e) for B3 decreases and reaches the 472 

equilibrium with the B3 solution at ~7.52.  473 

 474 

Given that the geochemical modelling predicts the undersaturation of Mg(OH)2 prior to 475 

the KOH addition and the oversaturation of this specie when adding KOH (Figure 5), the 476 
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modelled pH trend for B3 would be consistent with the raise in the B3 pH when adding 477 

KOH and as a consequence, the formation of the highly insoluble Mg(OH)2. 478 

 479 

Experimentally, when adding KOH (0.08 mmoles), the B3 pH experiences an increase 480 

and reaches the equilibrium with the B3 solution at 7.52. The experimental pH pattern is 481 

also consistent with the formation of the highly insoluble Mg(OH)2  since the 482 

precipitation of this specie would potentially transfer OH- from the aqueous to the B1 483 

solid phase, thereby decreasing the pH value to the equilibrium.   484 

 485 

The non-detection of Mg(OH)2 in the B3 solid phase by XRD can be due to the 486 

insufficient required concentration to be detected by XRD and/or an formation of 487 

amorphous Mg(OH)2 phase. 488 

 489 

4. CONCLUSIONS 490 

The work reported here reveals that Fe speciation in oil-field brines would be a key factor 491 

to consider for above-ground mineral carbonation processes that make use of the 492 

aforementioned brines. The pH of brines containing Fe is affected when it is adjusted by 493 

a strong base whereas the pH of Fe-free brines experiment shows no significant 494 

variations.  495 

 496 

The pH of brines containing Fe2+ diminishes to very low pH (2.86) by air oxidation of 497 

highly alkaline Fe(OH)2 suspension induced by KOH addition by means of dissolution-498 
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oxidation-crystallisation mechanism where particles of Fe(OH)2 provide the substrate for 499 

the γ-FeO(OH) growth.  500 

 501 

The pH pattern of brines containing Fe3+ is consistent with the formation of the highly 502 

insoluble Fe(OH)3 as a primary product due to the pH rise and subsequent formation of 503 

Fe2O3 by aging of Fe(OH)3.nH2O under alkaline conditions.  504 

 505 

Results from this study, which determine the importance of Fe speciation in oil-field 506 

brine pH, are then of high value when evaluating the potential capacity of oil-field brines 507 

(above-ground brines) to permanently sequestering CO2. 508 

 509 

5. ACKNOWLEDGMENTS  510 

The financial support of the Centre for Innovation in Carbon Capture and Storage 511 

(CICCS) through the Engineering and Physical Sciences Research Council, EPSRC 512 

(EP/F012098/1 and EP/F012098/2) is gratefully acknowledged.  513 

 514 

6. REFERENCES  515 

[1] United State Environmental Protection Agency. Accessed September 2015. 516 

http://water.epa.gov/type/groundwater/uic/wells_sequestration.cfm 517 

[2] Roach R.W., Carr R.S., Howard C.L., Cain B.W. An Assessment of Produced Water 518 

Impacts at Two Sites in the Galveston Bay System, U.S, Fish and Wildlife Service, 519 

Houston, Texas, 1993 520 



24 
 

[3] Soong Y, Goodman A.L., McCarthy-Jones J.R., Baltrus J.P. Experimental and 521 

simulation studies on mineral trapping of CO2 with brine. Energy Conversion and 522 

Management, 2006. 45(11-12): p. 1845-1859.10. 523 

[4] Druckenmiller M.L, Maroto-Valer M.M. Carbon sequestration using brine of adjusted 524 

pH to form mineral carbonates. Fuel Processing Technology, 2005; 86:1599-1614. 525 

[5] Kharaka YK, Leong LY, Doran CG, Breit GN. Can produced water be reclaimed, 526 

Experience with Placeritra Oil Field, California. In: Proceedings of the 5th 527 

international petrol environment conference, 1998, Albuquerque, NM. 1-23. 528 

[6] Soong Y, Goodman AL, Jones JR, Baltrus JR. Experimental and simulation studies on 529 

mineral trapping of CO2 with brine. Energy Convers Manage 2004; 45:1845-59. 530 

[7] Cotton F.A., Wilkinson G. Advanced inorganic Chemistry, 5th ed., John Wiley & 531 

Sons, New York, Chichester, Brisbane, Toronto, Singapore, 1988, p.71. 532 

[8] Bard A.J, Parsons R, Jordan J. Standard potential in aqueous solutions. Marcel 533 

Dekker, Inc., 270 Madison Avenue, New York 10016. 534 

[9] Morgan B and Lahav O. The effect of pH on the kinetics of spontaneous Fe(II) 535 

oxidation by O2 in aqueous solution – basic principles and a simple heuristic 536 

description. Chemosphere, 2007; 68: 2080-2084. 537 

[10] Feitknecht W; Michaelis W. Ober die Hydrolyse yon Eisen(III)-perchlorat-538 

L6seungen. Helv. Chim. Acta, 1962; 26: 212-224. 539 

[11] Feitknecht W; Giovanoli R; Michaelis W; Muller M. Die Hydrolyse der LOsungen 540 

yon Eisen (III)-chlorid. Helv. Chirn. Acta, 1973; 56: 2847-2856.  541 

[12] Magini M., Caminiti, R. On the structure of highly concentrated iron (III) salt 542 

solutions. J. Inorg. Nucl. Chem, 1977; 39: 91-94. 543 



25 
 

[13] Kobayashi and Uda. Structure of “ferric hydroxide gel”. Journal of Non-Crystalline 544 

Solids, 1978; 29 (3): 419-422. 545 

[14] Saraswat I. P., Va’pei A. C., Garg V. K., Sharma V. K, Prakash, N. On the sorption 546 

studies of some metal ions with chromium ferrocyanide gel. J. Colloid Interface 547 

Scz. 1980, 73, 373. 548 

[15] Feitkneeht Wand Wytlenbach A. Reactivity of soils, 4th Int. Symp. Ed Elsevier, Hol. 549 

1960: p234. 550 

[16] Kasllaki A, Osaka Kogyo Gijut. 1979; 30: 161. 551 

[17] Comell R.M, Giovanoli R, Sehindlcr P.W. Glays and Clay minerals, 1987; 35: 21. 552 

[18] Misawa T., Hashimoto K., Shimodaira S. The mechanism of formation of iron oxide 553 

and oxyhydroxides in aqueous solutions at room temperature. Corrosion Science, 554 

1974: 14: 131-149. 555 

[19] Schwertman U, Fetcher H. The formation of green rust and its transformation to 556 

Lepidocrocite. Clay Minerals, 1994; 29: 87-92. 557 

[20] Singer, P.C., Stumm W. Acidic mine drainage; rate-determining step.  Science, 558 

1970; 167: 1121-1123.  559 

[21] Bernal J.D, Dasgupta D.R., Mackay A.L. The oxides and oxyhydroxides of iron and 560 

their structural inter-relationships. Clay Miner. Bull. 1959; 4:15-30. 561 

[22] Lau, O. W. The precipitation of ferrous hydroxide: A lecture demonstration.  J. 562 

Chem. Educ. 1979; 56: 474. 563 

 


