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Abstract 

Reactions between mineral surfaces and dissolved species in process water, both inorganic and 

organic play an important role in mineral processing. Reverse flotation of finely comminuted 

iron ore is sometimes employed in order to remove the phosphorous mineral apatite. An 

anionic collector, designed to specifically adsorb at the calcium specific surface sites of apatite 

is added, rendering the apatite particles hydrophobic properties. However, some of the 

collector adsorbs also at the magnetite surfaces, thereby introducing undesired characteristics 

to the upgraded iron ore concentrate.  

Of this reason, magnetite and maghemite surfaces and their interactions with the most 

abundant and important ions in the process water during flotation, and their potential influence 

on collector adsorption at magnetite was studied. Maghemite was included in the experiments, 

since previous work had shown that oxidation of the magnetite surface into maghemite may 

occur during the processing of the iron ore concentrate. The complex system that the dissolved 

ions in the process water and the iron oxide particles constitute at flotation and agglomeration 

was divided into smaller subsystems. 

The protolytic characteristics for the magnetite-H+ and maghemite-H+ systems proved to be 

similar when their modelled intrinsic surface complexation constants were compared. However, 

the surface site density of magnetite was found to be 50 % greater than for maghemite.  



Both potentiometric titrations and ATR-FTIR spectroscopy were used to study and characterize 

the adsorption of silicate. The results from the surface complexation modelling suggested that 

the silicate adsorbed as monodentate surface complexes at the maghemite surfaces. The results 

showed a silicate adsorption maximum at pH 8.5 to 9.5 for both iron oxides. Within this range 

pH, the surface complex FeOSiO(OH)2
- was proposed as the dominating surface specie in the 

maghemite-silicate system. 

The iron ore pellet additive olivine proved to release substantial amounts of Mg2+ when 

immersed in water, indicating that olivine probably is the main source of Mg2+ to the process 

water. Thus, the surface characteristic of olivine particles in water suspensions was studied. 

Since olivine proved to be a significant source of magnesium ions, adsorption of Mg2+ at 

maghemite and magnetite was studied and modelled. The results suggested that magnesium 

ions adsorbed as a mix of mono- and bidentate surface complexes when the number of surface 

sites was in excess. Increased amounts of Mg2+ i.e.,  1 Mg2+ site-1, resulted in a model 

including only monodentate surface complexes.  

Experiments involving competitive adsorption of carbonate and silicate showed that added 

silicate replaced adsorbed carbonate. Other competitive experiments, with Mg2+ and Ca2+, 

showed that Mg2+ had a stronger affinity for the magnetite surface than Ca2+. The preferential 

adsorption of Mg2+ at the iron oxide surface may then have protective properties, by preventing 

adsorption of the calcium specific collector. Results from both in-situ ATR-FTIR spectroscopy 

and contact angle measurements indicated also that added Mg2+ reduced the adsorption of 

collector and thereby increased the wettability of the magnetite surfaces. 



To my wife, Monica, and our children, Emily, Simone, Theo and Tilde, 

for your love, continuing help and encouragement 

 

 

 

 

 

 

 

 

“Sa souvraya niende misain ye” 

I am lost in my own mind 

-Mat Cauthon, Wheel of Time 



 



Acknowledgement 

First of all, I would like to express my gratitude to my supervisors for their help and 

guidance during the course of this work: Associate Professor Lars Gunneriusson for 

sharing his knowledge about potentiometric titrations and surface complexation 

modelling. Associate Professor Allan Holmgren, you introduced me to the ATR-FTIR 

technique and the possibility to in situ study the adsorption and surface reactions. 

Professor Willis Forsling, for all the discussions concerning surface reactions and 

alterations of mineral surfaces. 

All three of you have contributed to strengthen my work and this thesis through fruitful 

discussions, insightful comments and by always challenging my results and conclusions.  

 

I am also grateful to Dr. Andreas Fredriksson at LKAB for his support and the 

commitment and interest he has spent on this project. 

 

The invaluable financial support provided by the Hjalmar Lundbohm Research Centre is 

gratefully acknowledged (HLRC).  

 

A special thanks to Mrs. Maine Ranheimer, for keeping track of what we have and not 

and that you always seemed to know where to search for equipment. I extend many warm 

thanks to all friends and colleagues at the Division of Sustainable Process Engineering 

and Department of Civil, Mining and Environmental Engineering I have met and worked 

with during these years. With special thanks to: Xiaofang, Anna-Karin, Oleg, Ivan, 



Elisaveta, Lindsay, Tommy, Linda, Dannil, Erik, Pär, Andreas, Fredrik, Birgitta, Åke, 

Kajsa, Jonas, Josefine, Magnus.  

 

Many thanks to all the people I have meet through my involvement in Doktorand-

sektionen at Ltu, it was four fabulous years for me. 

 

The importance of the “innebandy” matches twice a week should neither be overlooked, 

creating opportunities for clearing my mind. Many thanks to all of you who I've played 

with over the years.  

 

I want to thank my family for all the support you have been providing and thus enabled 

me to complete this doctoral thesis. My wife and the love of my life, Monica, who have 

seen to it that I take care of myself when I worked and stressed at the most. My oldest 

daughter Emily, you have always been there and helped me by taking care of your 

younger siblings, Simone, Theo and Tilde. From now on will I be able to spend more 

time with all of you during evenings and weekends. My parents, thank you for helping to 

make me the person I am, your love and your support have meant a lot to me. To my 

youngest brother Martin, I just want to say now after finished the thesis, I expect to have 

more time for hunting, fishing and outdoor life in Grannäs.  

Finally, I am very thankful to my innate stubbornness and for never giving up. The 

completion of a doctoral thesis can be compared to a marathon. There will always be 

periods that are tough, but then it is even more important to concentrate and make sure to 

use your energy in the best possible way in order to reach the final goal. 

 

Luleå, October 2012 



  List of publications 

This thesis is based on work presented in the following five papers 

 

I. Adsorption and surface complex modelling of silicates on maghemite in 

aqueous suspensions 

Rickard Jolsterå, Lars Gunneriusson, Willis Forsling 

Journal of Colloid and Interface Science, 342 (2010) 493-498 

 

II. Kinetics of silicate sorption on magnetite and maghemite: An in situ ATR-

FTIR study 

Xiaofang Yang, Payman Roonasi, Rickard Jolsterå, Allan Holmgren 

Colloids and Surfaces A: Physicochemical and Engineering Aspects, 343 (2009) 

24-29 

 

III. Forsteritic olivine at alkaline conditions: solid-solution interactions 

 Rickard Jolsterå, Lars Gunneriusson, Willis Forsling 

Submitted to, Geochimica et Cosmochimica Acta 

 



IV. Surface complexation modeling of Fe3O4-H
+ and magnesium(II) sorption 

onto maghemite and magnetite 

Rickard Jolsterå, Lars Gunneriusson, Allan Holmgren 

Journal of Colloid and Interface Science, 386 (2012) 260-267 

 

V. Influence of Ca2+, Mg2+ CO3
2- and soluble silicate ions on the surface 

properties of magnetite particles 

Rickard Jolsterå, Allan Holmgren, Andreas Fredriksson, Lars Gunneriusson 

To be submitted to, Colloids and Surfaces A: Physicochemical and Engineering 

Aspects 

 

Conference proceedings 

Surface characterisation and modelling of olivine at alkaline conditions 

Rickard Jolsterå, Lars Guneriusson, Willis Forsling 

Geochimica et Cosmochimica Acta, 2010, 74, 12/Suppl, p. A477 

 

Other published work, not included in the thesis 

Complexation of Americium with -D-Isosaccharinate 

Stefan Allard, Christian Ekberg, Rickard Jolsterå, Andreas Knutsson, Arvid Ödegaard-

Jensen 

Proceedings of ISEC 2008 International Solvent Extraction Conference, 1133-1138 

(2008) 

 



Contents 

Introduction 1 

Scope of the work 5 

Background 7 

Production of iron ore pellets 7 

Importance of process water 8 

Physisorption and chemisorption 9 

The Water/Mineral interface 10 

Surface Complexation Modelling, (SCM) theory 13 

Froth flotation 15 

Flotation and removal of apatite from a magnetite concentrate 17 

Potentiometric titration 18 

Surface site concentration and data treatment 19 

Treatment and presentation of titration data 22 

ATR-FTIR spectroscopy 23 

Zeta potential 25 

Experimental 27 

Oxide materials 27 

Maghemite, -Fe2O3 27 

Magnetite, Fe3O4 28 

Natural olivine 28 

Methods 29 



Potentiometric titrations 29 

Batch experiments 30 

Film preparation, ATR-FTIR 30 

ATR-FTIR spectroscopy 31 

Zeta potential 31 

Contact angle 32 

Results and Discussion 33 

Particle size distribution of iron oxide particles 33 

Protolytic properties of magnetite and maghemite (Papers I and IV) 35 

Protolytic reactions of maghemite 36 

Protolytic properties of magnetite 38 

Silica leakage during potentiometric titrations 40 

Soluble silicate adsorption at iron oxide particles (Papers I and II) 41 

Potentiometric titration and modelling of the maghemite-H+-silicate 

system 41 

In situ ATR-FTIR spectroscopy, silicate adsorption at iron oxides 44 

Olivine particles at alkaline conditions (Paper III) 46 

Effects of adding Mg2+ or Ca2+ to the olivine suspension 48 

Magnesium adsorption onto magnetite and maghemite (Paper IV) 51 

Modelling of Mg2+ adsorption at maghemite 52 

Modelling of Mg2+ adsorption at magnetite 56 

Influence of Ca2+, Mg2+, CO3
2- and soluble silicate (Paper V) 57 

Zeta potential of conditioned magnetite particles 57 

Adsorption of carbonate and soluble silicate 60 

Influence of Mg2+ and Ca2+ on collector adsorption 63 

Contact angle measurement and wettability 65 

Conclusions 69 

Future Work 73 

References 77 



 - 1 - 

Introduction 

Iron is the sixth most abundant element in the Earth's crust and the most widely used 

metal. Raw materials used by the steel industry are scrap steel, materials that are recycled 

or virgin materials, viz. mined iron ore. Magnetite, (Fe3O4) is an important iron ore which 

may advantageously be refined into iron ore pellets. Iron ore pellets are a high quality 

product with customized properties, acquired through the addition of additives. 

Production of the iron ore pellets consists of several important steps, where the magnetite 

slurry is treated and upgraded. The slurry is purified and modified through several 

different treatment steps and then agglomerated in balling drums into wet pellets, so 

called “green pellets”. Green pellets that passed the size screening are sintered and during 

the sintering process the magnetite is oxidised to hematite ( -Fe2O3). Sintering of 

magnetite based pellets has the advantage that 2/3 of the energy required for the sintering 

is generated in the oxidation reaction. Thus, making the production of magnetite based 

pellets more environmentally friendly since the demand of fossil energy for sintering is 

reduced. 

The flotation step, where the finely ground magnetite ore are separated from gangue 

material such as the phosphate mineral, apatite is of central importance. It is at this step 

the apatite specific collector is added, a very much needed chemical in order to ensure 
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that the apatite can be removed. This is a necessity since the phosphorous content in the 

pellets must be minimized due to its detrimental properties on the produced steel. Even 

though that the collector is very specific towards the apatite has it also proven to adsorb 

to some small extent onto the magnetite surfaces. This undesired adsorption of collector 

lowers the pellet strength by increasing the amount of pores, i.e. air bubbles trapped in 

the pellets [FOR 2008]. This results in production losses because of the increased fraction 

of crumbling and crushed pellets due to the reduced pellet strength. These losses of 

produced pellets need to be minimized in order to ensure that the production cycle, from 

mining of the ore to the finished steel product is as efficient as possible.  

Environmental considerations compel mining companies to consider their process water 

usage and therefore they seek to decrease it. Recirculation is a possibility, but it also 

results in accumulation of inorganic and organic species in the process water. This 

accumulation may further enhance the negative adsorption reactions of collector at the 

magnetite surfaces. Therefore it is of great interest to achieve a better understanding of 

the surface interactions between magnetite particles and components in the process water 

taking place within and after the flotation process. An improved understanding of these 

interactions will create an opportunity to further minimize the undesired collector 

adsorption. The agglomeration that takes place immediately before the pelletizing is 

complex, involving several different surface reactions. These include interactions 

involving different mineral surfaces, additives modifying the surfaces and the process 

water that contains many different ions that may interact with the surfaces. By dividing 

this complex system into smaller subsystems, it will be possible to investigate and 

determine the different surface reactions that may occur and how they may affect the 
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agglomeration process. By gradually putting together knowledge acquired from the 

various subsystems, it will be possible to compile a model that describes the process 

water and its interactions with magnetite particles. This new knowledge may then be 

applied to improve the pellet strength for both wet and dry pellets, which are the most 

important parameter in the pellet production, and to produce new, improved customer 

specific pellets. 
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Scope of the work 

The aim of this work has been to study and characterise surface complexation reactions 

that may take place between process water and mineral surfaces, i.e. maghemite, 

magnetite and olivine during the iron ore pellet production. The main experimental 

techniques that have been used in this work are potentiometric titrations, ATR-FTIR 

spectroscopy and zeta potential measurements. Complimentary techniques that have been 

used are: UV/Vis spectroscopy for blue molybdate determination of soluble silicate 

concentration; AAS for determination of concentration of dissolved metal ions; XRD and 

BET for material characterization; XPS and SEM for studying the resulting particle 

surfaces after performed experiments and contact angle measurement in order to 

determine the wettability of the treated material were also used. 

In order to determine the effect and importance of different species in the complex 

system that the process water and the mineral particles constitute, i.e. iron ore, process 

water ions and additives, it was subdivided into smaller systems. The following systems 

were studied in this work: 

Protolytic characteristics for the magnetite-H+ and maghemite-H+ systems 

Surface site density and characteristics of the active surface sites of magnetite and 

maghemite surfaces are important factors that need to be studied. This, since it governs 
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both their interactions with dissolved species in the process water and with other mineral 

particles. 

Silicate adsorption at magnetite and maghemite surfaces 

Soluble silicates, (water glass) are added to the magnetite pulp with the purpose to adsorb 

onto the magnetite surfaces, protecting them from collector adsorption. The adsorption of 

silicate and its pH dependence was studied and modelled. 

Characterisation of olivine particles at alkaline conditions 

Olivine is an important additive that provides useful melting and softening properties to 

the iron ore pellets in the blast furnace. Olivine also contributes with magnesium ions to 

the process water. Its characteristics at alkaline conditions were therefore studied. 

Magnesium ion adsorption at magnetite and maghemite surfaces 

Previous work studying adsorbed cations onto magnetite particles in contact with process 

water have indicated preferential adsorption of magnesium ions. Adsorption of positively 

charged magnesium ions may also facilitate increased adsorption of the anionic collector 

onto the magnetite particles. Adsorption of magnesium ions at magnetite and maghemite 

surfaces was therefore studied and modelled.  

Magnetite particles contacted with a simplified process water, Mg2+, Ca2+, CO3
2-, 

silicate ions and collector 

Competitive adsorption of magnesium and calcium ions and their implications on the 

surface properties of the magnetite particles was studied. The influence of dissolved 

carbonates and possible formation of carbonate precipitates and competitive adsorption of 

soluble silicates was also investigated. The influence of pH, ionic strength, Ca2+, Mg2+ on 

collector adsorption at magnetite was also studied. 
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Background 

Production of iron ore pellets 

The search for a method of producing coarse pieces of ground iron ore started in the early 

twentieth century [TIG 1954]. During the following decades, the pelletizing technology 

was developed and refined and its commercial use commenced during the 1950s [BAL 

1973]. The development of the pelletizing has continued since then and the iron ore 

pellets of today are a highly specialized product. Production of iron ore pellets consists of 

several processing steps, grinding and upgrading of the iron ore, addition and mixing of 

additives, agglomeration and balling of the wet, ”green pellets” and then subsequent 

sintering.  

Grinding to desirable particle size distribution and magnetic separation are the initial 

treatment steps of the mined magnetite ore, but further refinement and removal of gangue 

minerals is usually necessary. If some small amounts of the phosphorus containing 

mineral apatite, Ca5(PO4)3(F, Cl, OH) is present in the concentrate, it has to be removed 

by flotation. This, since phosphorus radically decreases the quality of the final steel 

products. A collector is added during the reverse flotation process of the iron ore where 

the magnetite (Fe3O4) and apatite are separated. The calcium specific collector adsorbs at 
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the active calcium sites of the apatite particles. Rendering the apatite particles 

hydrophobic properties and thereby facilitate its subsequent accumulation in the froth 

formed. The apatite is then removed together with the froth. The collector used in the 

flotation process may affect the following agglomeration and pelletizing process 

negatively [FOR 2008]. Research has shown that both green pellet quality and production 

output are dependent on surface and adsorption reactions that take place between the 

solutes in the process water and the iron ore particles [FOR 2007]. The main issue is the 

adsorption of collector onto the magnetite particles, resulting in decreased wettability of 

the particles and an increased incorporation of air bubbles in the pellets. The adsorption 

of collector results in decreased green pellet strength and thus, an increased fraction of 

crushed and crumbling green pellets in the production.  

Interactions between magnetite particles and inorganic and organic species in the process 

water may result in an increase of unwanted adsorption of the collector. Influence and 

effects from the process water composition is crucial when optimizing the pelletizing 

combined with increased recirculation of the process water. 

 

Importance of process water 

Water constitutes the majority of the volume of the pulp processed in mineral flotation 

applications. An improved management of the available water resources grow therefore 

more and more important for the mineral processing industry. By reducing the use and 

consumption of fresh water the mineral industry reduces their environmental impact. A 

possible bonus effect when increasing the water recycling is decreased chemical 

consumption [KLE 2009]. Recirculation of the used process water is the most obvious 
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action to reduce the fresh water usage, but it may also introduce new problems to the 

flotation process. Increased recirculation of the used process water also results in 

accumulation and increased concentrations of dissolved species, both inorganic and 

organic in the process water. As previously mentioned, the quality of the process water 

used is of great importance, since impure/contaminated process water may seriously 

affect the flotation selectivity of the process [LEV 2001, RAO 1989]. Thus, it is of great 

importance to determine and assess potential negative influence from the main 

contaminants. The influence from contaminants upon recirculation of process water must 

therefore be thoroughly investigated.  

 

Physisorption and chemisorption 

Attachment of adsorbate, both inorganic and organic species, to mineral surfaces can take 

place in two ways, namely physisorption or chemisorption. Chemisorption, an 

abbreviation of ‘chemical adsorption’, involves the forming of a chemical bond between 

the surface and adsorbate, usually of covalent character. This in contrast to physisorption 

(physical adsorption) which is weaker and dominated by van der Waals interactions 

between the adsorbate and the substrate. Enthalpy of adsorption is used as a general rule 

for distinguishing chemisorption from physisorption. Enthalpy values that are more 

negative than, - 40 kJ mol-1 are considered to indicate chemisorption and values less 

negative than, - 25 kJ mol-1 indicates physisorption [ATK 2002]. Another difference is 

the distance between adsorbate and the surface, which is generally shorter for 

chemisorbed species compared to physisorbed.  
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The Water/Mineral interface 

When the surface of minerals is exposed to water or water vapour, it is assumed to form 

surface hydroxyl groups through dissociative chemisorption of the water molecules. The 

reason is that the dissociation would be energetically favourable, since a better charge 

neutralization in the lattice may be achieved [BOE 1971, STU 1992]. Figure 1 illustrates 

in principle the reactions of the surface layer of an oxide mineral when immersed in 

water and the subsequent formation of surface hydroxyl groups. 

 

Figure 1. (A) Dry oxide mineral surface, metal ions at the surface are not fully 

coordinated and exhibit Lewis acidity properties. (B) Hydrated oxide surface, the metal 

ions at the surface have the possibility to coordinate water molecules. (C) Protons 

dissociate from the chemisorbed water molecules producing hydroxyl groups at the 

mineral surfaces oxygen and metal atoms.  

 

Strong support for the hydroxylation of oxide and silicate surfaces has been accumulated 

from numerous infrared spectroscopy investigations [LIT 1966, HAI 1967, PAR 1976, 

KLI 1977] to mention some of the important early reviews. It has been found that 

complete hydroxylation of many surfaces requires less than 1 % of humidity [KIS 1961]. 

Hence, the hydrated oxide surface will be covered by surface hydroxyl groups. These 
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hydroxyl groups are usually written as SOH (terminal group) or S2OH (bridging 

group). The S in the SOH corresponds to a metal atom in the metal oxide and these 

hydroxyl groups are often referred as active surface sites. The main acid-base interactions 

responsible for the amphoteric behaviour of oxide surfaces can be expressed by following 

reactions: 

 

 SOH2
+   SOH   + H+    Reaction 1 

 SOH     SO-   + H+    Reaction 2 

 

Deprotonated active surface sites, SO- can act as Lewis bases (Reaction 2) and the 

protonated active surface sites as Lewis acids (Reaction 1). This is known as the two pKa 

approach, and has been used in this thesis, when formulating the protolytic surface 

reactions. In addition to the proton exchange reactions at the active surface sites, 

dissolved cations, anions and chelating ligands in the aqueous phase may take part in 

various sorption reactions (Reactions 3 – 6). 

 

 SOH   + Mz+    SOM(z-1)  + H+   Reaction 3 

 2 SOH  + Mz+    ( SO)2M
(z-2)  + 2 H+   Reaction 4 

 SOH   + L   SL+   + OH-   Reaction 5 

2 SOH  + L    S2L
2+  + 2 OH-  Reaction 6 

 

Complexes formed at the surfaces can be described as either inner-sphere complexes, 

where the species is directly bonded to the active surface site, i.e. chemisorption or outer-
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sphere complexes (physisorption). In the latter case, sorbed species are located at the 

surface, separated by one or more water molecules (ion pair). By spectroscopic methods 

it is possible to differentiate between inner- and outer-sphere complexes formed at the 

oxide surface [MOT 1987, HAY 1987, BRO 1989]. However, spectroscopic data alone is 

often not sufficient to determine the structure of the surface complexes [STU 1992]. A 

distinctive feature that separates outer-sphere complexes from inner-sphere complexes is 

their strong dependence of the ionic strength. By performing the same experiment at 

different ionic strength, it may be possible to conclude if the surface complex formed is 

of inner- or outer sphere type. A typical characteristic that distinguishes outer-sphere 

complexes from inner-sphere complexes is that the surface complexation equilibria 

exhibit a strong dependence on the ionic strength. 

 

Adsorption reactions at mineral surfaces may also proceed to surface precipitation. The 

major difference between adsorption and surface precipitation is that adsorption is a two-

dimensional process and surface precipitation is three-dimensional [COR 1981]. 

Formation of polynuclear complexes and subsequent surface precipitation may occur at 

conditions with high concentrations of adsorbate. The transition from surface complexes 

and polynuclear surface species to surface precipitate has been discussed earlier, for 

example by Farley et al. [FAR 1985] and Stumm [STU 1992]. The effect of increasing 

adsorbate concentration and surface precipitation has also been discussed by Charlet and 

Manceau [CHA 1992, CHA 1993]. 
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Surface Complexation Modelling, (SCM) theory 

Adsorption reactions taking place at hydroxylated oxide surfaces can be successfully 

modelled employing an electrostatic surface complexation model, of which several have 

been suggested. The models used to describe surface reaction equilibria on oxide surfaces 

are all based on the same fundamental concepts, which have been summarised by 

Dzombak and Morel [DZO 1990]: 

 

• Sorption on the surface of oxides takes place at specific coordination sites. 

• Sorption reactions can be quantitatively described via mass law equations. 

• Surface charge results from the sorption reactions themselves. 

• The effect of surface charge can be accounted for, by applying an electrostatic 

correction factor derived from the electric double layer theory to mass law 

constants for surface reactions. 

 

The generalised two-layer model is the starting point to several surface complexation 

models and the main difference between the models is the treatment of the 

electrochemical double layer, i.e., the mechanism of protonation and the position and 

hydration status of adsorbed ions.  

Some surface complexation models (SCM:s) that have been extensively used are the 

Diffuse Double Layer Model (DDLM) [DZO 1990, STU 1970], the Constant 

Capacitance Model (CCM) [SCH 1972, HOH 1976], the Triple Layer Model (TLM) 

[YAT 1974, DAV 1978, HAY 1986], the Basic Stern Model (BSM) [BOW 1977, WES 

1980] and the CD-MUSIC model [HIE 1989a, HIE 1989b, HIE 1996].  
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The electrochemical double layer can be described as a surface layer and a diffuse layer 

of counter ions in solution, examples of different electrochemical double layers are given 

in Figure 2. 

 

 

Figure 2. Schematic illustration of different electrochemical double layers, a) CCM, b) 

DDLM, c) TLM 

 

An important parameter to determine the applicability of a SCM, is the ionic strength for 

the system to be studied. With increasing ionic strength, the influence of the diffuse layer 

diminishes and the DDLM is therefore not applicable at high ionic strength (> 0.01 M). 

The reverse argument applies to why the CCM may not be used successfully at low ionic 

strength (< 0.01 M). The CCM disregards the effects of the diffuse layer and is therefore 

not applicable at conditions where the influence of the diffuse layer increases. The 

general trend of applicability among some of the SCM:s with respect to increasing ionic 

strength is as follows:  

 

Low ionic strength        DDLM              BSM              CCM        High ionic strength 
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Another difference between the SCM:s are the number of basic adjustable parameters, 

ranging from one, the surface site density (DDLM) to three, the surface site densities and 

two capacitance parameters (TLM). The CCM used in this thesis has two adjustable 

parameters, the capacitance and the surface site density. SCM:s that uses a larger number 

of adjustable parameters as the TLM, will as expected, generally render models that fits 

more closely to experimental data. However, the parameters calculated from the TLM are 

only valid for a specific background electrolyte [RIC 2005].  

The CCM provides a good mechanistic description of the surface reactions and has 

successfully been applied to numerous systems with satisfactory result. The high ionic 

strength of the systems to be studied is also an argument in favour of the CCM. 

Accordingly, the CCM was chosen in the present model calculations.  

 

Froth flotation 

Froth flotation is an extremely important separation process to the industrialised world. 

Without it, many metals and inorganic materials would be very scarce and expensive. 

This since most of the high-grade ores that can be extracted at reasonable costs without 

froth flotation would have been depleted. Froth flotation is nowadays the most commonly 

used separation method by the mineral industry, when separating the desired minerals 

from the gangue minerals. The earliest use of flotation was the enrichment of CuCO3 and 

it is supposed to have been performed in the East during the 15th century [SCH 1981]. 

However, it was not until the end of 19th century when the industrialisation of the western 

world raised the demands of metals that the development of specific flotation processes 

really started. The mining industry started to mine low-grade ores and needed an efficient 
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process to concentrate the valuable minerals. Flotation soon proved itself to be a capable 

method. By very simple and crude chemical alterations of the mineral pulp, it was 

possible to separate and concentrate the minerals of interest. 

Flotation and the key to floatability and non-floatability is the creation of hydrophobic 

and hydrophilic surface groups on the mineral surfaces in the pulp. The hydrophobicity is 

regulated by additions of a collector to the pulp. The collector consists of a polar group 

and a non-polar group, which usually contain hydrocarbon chains. The collector 

preferentially attaches itself on the surfaces of the mineral to be floated (direct flotation) 

or the gangue mineral (reverse flotation). The polar group of the collector is adsorbed to 

the mineral surface and hence the non-polar group will be orientated towards the aqueous 

solution rendering the hydrophobic characteristic. At froth flotation the added surfactant 

may physisorb or chemisorb, where chemisorption is preferable. Chemisorption has 

several advantages: flotation selectivity should be raised if the surfactant adsorbs 

specifically to active surface sites with specific characteristics; reduced reagent 

consumption; and fine particles should respond to flotation [FUR 2007]. The flotation is 

performed in a large basin, commonly called a flotation cell in which air is bubbled 

through the pulp. The hydrophobic mineral surfaces will have a high affinity to the air 

bubbles and will be transported and enriched in the froth formed at the surface layer of 

the flotation cell. At the top layer in the flotation cell, the froth will then be skimmed 

away. In the case of direct flotation the collected froth contain will contain the desired 

mineral, or if reverse flotation is performed the gangue mineral [IVE 1984]. 

Most flotation processes also uses at least one or more modifying reagents such as 

activators, depressants and dispersants. Activators are reagents that make an inert mineral 
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surface more susceptible to the added collector. Depressants increase the hydrophilicity 

of the mineral surfaces that are not supposed to be floated, e.g. makes those minerals float 

even less and dispersants disperse and reduce the aggregation of the fine-particulate 

material. The removal of apatite from magnetite ore is usually carried out by reverse 

flotation. An anionic collector with apatite specific adsorption characteristics is used 

together with sodium silicates (water glass) which is added to act as both dispersant and 

depressant. 

 

Flotation and removal of apatite from a magnetite concentrate 

A potential problem with the removal of apatite from magnetite concentrates by addition 

of anionic collector and reverse flotation is collector contamination of the magnetite 

surfaces. A possible explanation for the loss of selectivity for the collector is surface 

precipitation of calcium carbonate, since the process water used in the flotation process is 

saturated with respect to calcite, surface precipitation is a plausible effect [WES 2010]. 

Another parameter to consider is the surface reactions of the liberated apatite particles. 

Apatite particles contacted with the alkaline process water may undergo alterations of its 

surface characteristics. Experiments with calcite and apatite supernatants showed that 

apatite and calcite particles equilibrated with each other’s supernatant, exchanged zeta 

potential and isoelectric point with each other [AMA 1985a, b]. The adsorption of 

collector onto the apatite particles in the iron ore concentrate has of course been designed 

to perform at optimum at process conditions. Since the process water is saturated with 

respect to calcite, surface alterations of the apatite can be expected to some degree at the 
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prevailing process conditions. It is therefore reasonable to assume that the added collector 

will adsorb readily to calcium surface sites at both apatite and calcite particles. 

 

Potentiometric titration 

Potentiometric titration is a very potent and useful method when studying and modelling 

surface reactions at mineral surfaces. The most common use of potentiometric titrations 

is to study surface reactions involving proton exchange by the usage of a glass pH 

electrode. However, redox reactions and surface complexation reactions of cations and 

anions can also be studied by using redox electrodes and ion selective electrodes instead. 

In this work, only proton exchange reactions were studied by the potentiometric titration 

technique. Thus, only aspects relevant to potentiometric titration and proton measurement 

will be discussed from now on. The proton specific potentiometric titrations is based on a 

very simple principle, “all” that has to be done is to measure the concentration of free 

hydrogen ions, ph, -log[H+] of the suspension. The concept of pH was introduced 1909 

by the Danish chemist Sørensen. At that time they had no knowledge of activity 

coefficients. Thus, was concentration instead of activity used when defining pH. The 

advantage of performing titration experiments at constant ionic strength is that the 

activity coefficients then can be considered to be close to constant. It is then possible to 

calibrate the pH electrode using a concentration scale. 

However, it is not as easy as it seems. High precision pH measurements impose strict 

requirements on the equipment in terms of sensitivity, accurateness, selectivity and 

responsiveness. An analogy that one can do is that if the pH scale is related to the 

magnitude of a distance, one and the same instrumentation has to measure distances 
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between 1 km and 0.1 Angstrom. Nowadays, the glass electrode is the predominant 

choice for sensor electrode, used together with Ag/AgCl(s) as reference electrode. The 

concentration of free protons in the mineral suspension is determined by measuring the 

voltage of the cell: 

 

- Ag, AgCl (s) | ionic medium || equilibrium suspension | glass electrode + 

 

Surface site concentration and data treatment 

Determination of the surface site concentration for mineral surfaces may be done 

experimentally or theoretically. The common approach when determining this parameter 

experimentally is to saturate the surfaces with a ‘probe’ specie and then analyse the 

amount of adsorbed species. Hydrogen and hydroxyl ions used at potentiometric titrations 

are very suitable ‘probe’ species since they have the advantage of a small size. This 

enables them to adsorb without blocking other vacant sites and access sites that would be 

more difficult for larger species to reach. 

In this work hydrogen and hydroxyl ions have been used to probe and determine the 

amount of active surface sites of the materials studied. The amount of consumed or 

released hydrogen ions from the active surface sites was determined by the Gran plot 

technique [GRA 1952]. With the Gran plot technique it is possible to determine the 

volume of consumed titrant (Veq) by the proton exchange reactions of the surface sites. 

Figure 3 show a typical Gran plot of fully protonated surface sites, SOH2
+ that are 

titrated with hydroxyl ions to SO-.  
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Figure 3. Experimental data evaluated using Gran plots, starting at acidic conditions and 

fully protonated surface sites (left side) and then going to alkaline conditions and fully 

deprotonated surface sites (right side). Circles ( ) represent the values of the function 

Granacidic, (Equation 1) and squares ( ) the values from the function Granalkaline, (Equation 

2). Veq1 is the point where surface sites starts to consume added titrant and the proton 

exchange of the surface sites ends at Veq2. 

 

By using Equations 1 and 2 it is possible to determine the point where the deprotonation 

reactions of the surface sites starts (Veq1) and ends (Veq2). The total amount of consumed 

titrant (Veq) is then the difference between Veq2 and Veq1 (Equation 3). 

 Granacidic = (V0 + Vt)×10E/g      Equation 1 

 Granalkaline = (V0 + Vt)×10-E/g      Equation 2 

 Veq = Veq2-Veq1       Equation 3 
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Since the starting volume (V0) and concentration of the titrant (Ctitrant) are known, the 

total concentration of surface sites (S0) at the starting point for the mineral suspension can 

be calculated (Equation 4). Veq represents then the amount of titrant needed to go from 

fully the protonated to the deprotonated state of the surface sites, i.e. SOH2
+ to SO- as 

discussed earlier. Thus, every proton active surface site consumes two added hydroxide 

ions. Consequently Veq is divided by two when calculating the total concentration of 

surface sites (Equation 4). 

 

 S0 = (0.5×Veq×Ctitrant)/V0      Equation 4 

 

The calculated S0 value allows one to calculate the surface site density, Ns sites nm-2 of 

the mineral surfaces (Equation 5). However, the specific surface area (SA, m2 g-1) and the 

concentration of solid (CS, g dm-3) of the sample have to be known. NA in the equation is 

Avogadro’s constant (6.022×1023 mol-1). 
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The radioactive isotope of hydrogen may also be used; tritium exchange is an alternative 

technique for determination of surface sites [ONO 1966, BÉR 1967]. The mineral 

particles are equilibrated in tritiated water of known activity, the equilibrated solid phase 

is then separated from the tritiated water. The tritiated particles are then immersed and 

equilibrated a second time in a known volume of water. Sampling and scintillation 

counting of the supernatant enables one to determine the number of exchangeable protons. 
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Theoretical estimations of surface sites based on crystallographic data may also be used 

for determination of the amount of surface sites. It is advocated that this approach enables 

one to isolate and identify the heterogeneity of the reactive surfaces. By studying the 

most predominant crystal planes of the studied particles it is possible to calculate the 

amount of surface sites. The surface sites are also divided into different groups depending 

on their crystallographic information. This approach to separate and divide surface sites 

into different reactive groups is commonly used in the previously mentioned CD-MUSIC 

model.  

 

Treatment and presentation of titration data 

The experimentally collected and acquired titration data in this thesis is presented and 

visualised either as the balance of the total added proton/hydroxide ion concentrations, (H 

versus pH) or as the number of exchanged protons per surface site, ( H+/site versus pH). 

Equation 6 show how to calculate H, V0 is the starting volume of the suspension. 

 

[ ] [ ]

−

−
− ×−×

addedOH+
addedH

burette
addedOHburette

+
+
addedH

V+V+V

OHVHV
=H

0

   Equation 6 

 

The number of exchanged protons per surface site, H+/site is defined as follows: 

 

 H+/site = (H – [H+] + [OH-])/S     Equation 7 
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H is, as previously mentioned the balance of the total added proton/hydroxide ion 

concentrations and S is the total concentration of active surface sites in the mineral 

suspension. Negative values of ΔH+/site should be interpreted as the number of 

hydroxide ions adsorbed or, alternatively, protons released per surface site. 

 

ATR-FTIR spectroscopy 

The basic theory for Attenuated Total Reflection (ATR) actually dates back to Isaac 

Newton [NEW 1952], who studied the total reflection of light at the interface between 

two media of different refractive indices. The first steps into ATR spectroscopy were 

taken by Harrick and Fahrenfort independently of one another. However, Harrick was 

first to publish results from the explorations of the infrared internal reflection technique 

[HAR 1960 a,b] and shortly thereafter was the findings of Fahrenfort published [FAH 

1961]. Other names for ATR are Internal Reflection Spectroscopy (IRS) or Multiple 

Internal Reflection (MIR). ATR is a versatile, non-destructive, quick and easy technique. 

The central and main component of the technique is the internal reflection element (IRE). 

There are several things to be considered in the choice of material for the IRE. Refractive 

index, inertness and spectral range coverage are all characteristics that are of high 

importance. One of the most common IRE materials is ZnSe. It is resistant against 

dissolution except for strong acids and bases, infrared transparent in a broad spectral 

range (2000 – 650 cm-1), the modulus of rupture is rather high and the refractive index is 

2.42. Figure 4 shows a schematic picture of an IRE with a thin film deposited on one of 

its sides.  
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Figure 4. Schematic illustration of IRE, showing infrared light reflected through the IRE, 

n1 refractive index of the IRE, n2 refractive indices of the sample, I0 incident light and I 

reflected light.   

 

The penetration of the evanescent wave into the sample (dp), is defined as the point where 

the intensity of the evanescent wave have decayed to 1/e of its original value. Penetration 

depths range typically between 0.1 and 5 μm. The dp is determined by the refractive 

indices of the IRE (n1), sample (n2), incident angle ( ) and wavelength ( ) (Equation 8).  

 

 dp = 1 / (2  (sin2  - n21
2)1/2)      Equation 8 

 

From Equation 8 it becomes clear that the penetration increases with decreasing 

wavenumbers. The penetration depth can also be altered by changing the material of the 

ATR crystal, increased refractive index results in decreased penetration depth.  
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Zeta potential 

Zeta potential is the electric potential difference between the shear plane of the moving 

particle and the stationary liquid. Electrophoresis is by far the most common method for 

determining the zeta potential. The main reason for this is probably the possibility to 

measure colloidal samples within the whole size range. The electrophoretic mobility 

measurements used here means in short to apply an electric field across a system 

consisting of particles suspended in a liquid. From the velocity of the particles in the 

stationary liquid it is then possible to determine their mobility and calculate the zeta 

potential of the particles when knowing the applied electric field. The Smoluchowski’s 

equation is commonly used to determine the zeta potential (Equation 9) [HUN 1981]. 

 

 
ε

ημ
ζ

×
= E         Equation 9 

E = particle mobility 

 = permittivity of the dielectric 

 = viscosity  

 = zeta potential 

 

Figure 5 illustrates schematically the correlation between the electric potential of the 

particle surface and distance from the surface. The shape of this function may also 

change when specific adsorption takes place. The location of the shear plane can be 

shifted by changing the ionic strength of the surrounding liquid. The zeta potential 

depends on the location of the shear plane, high if close to the surface and decreasing the 

farther away it is located. An increase of the ionic strength of the bulk solution will result 
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in repression of the double layer. The Debey–Hückel theory makes it possible to calculate 

the thickness of the double layer (Equation 10). For example, the calculated thickness of 

this layer at 20 °C and I = 0.10 M, is 9.5 Å and at I = 0.01 M, 30 Å respectively. 

 

 z = 0.33 × 10-2 × (  / I) ½      Equation 10 

z = thickness of the layer, cm 

 = dielectric constant for the solution, C/(V cm) 

I = ionic strength, M 
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Figure 5. A schematic picture of the electrical potential around a colloidal particle caused 

by a diffuse double layer in aqueous solution.  
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Experimental 

Oxide materials 

Maghemite, -Fe2O3 

The iron chloride solution was prepared using degassed MilliQ water and iron chloride 

salts of p.a. quality. The resulting composition of the solution was 0.33 M Fe2+ (FeCl2 · 4 

H2O) and 0.66 M Fe3+ (FeCl3 · 6 H2O). The iron chloride solution was added drop by 

drop to a 1.0 M NH3 aqueous solution prepared by degassed MilliQ water and under 

continuous stirring. A black precipitate was instantly formed as a suspension. After 

completing the addition of iron chloride solution, the stirrer was stopped and the 

precipitate was allowed to settle. The magnetite particles were washed repeatedly with 

degassed MilliQ water. Subsequently, the magnetite suspension was transferred to a 

dialysis tube for further purification. The dialysis tube was submerged in degassed MilliQ 

water, which was replaced at regular intervals until the conductivity of the MilliQ water 

remained <1.6 μS cm-1. The water of the purified suspension was then evaporated and the 

remaining dry precipitate was gently ground by hand in an agate mortar, followed by air 

oxidation at 240 °C for 20 hours. The maghemite product was confirmed by XRD and the 
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specific surface area of the final product was determined by BET (N2 adsorption, 85-90 

m2 g-1). 

 

Magnetite, Fe3O4 

The magnetite particles were synthesized and purified using the same methodology as for 

maghemite but leaving out the oxidation procedure. Both magnetite suspension and dry 

particles were used in the experiments. The magnetite powder was stored in an oxygen 

free environment, whilst the magnetite suspension was stored in a refrigerator (4°C). 

These precautions were taken in order to minimize the possibility of oxidation of the 

magnetite nanoparticles. The specific surface area of the synthesized particles was 

determined using BET (N2 adsorption, 90-95 m2 g-1). 

 

Natural olivine 

The olivine sample used originated from Seqinnersuusaaq, Greenland and has also been 

called Seqiolivine. In order to attain sufficient specific surface area for the experiments, 

the olivine batch with a particle size of ≤ 3 mm, was further wet ground until an average 

particle size less than 10 m was achieved. The specific surface area of the ground 

olivine was determined to 9.41 ± 0.01 m2 g-1 by BET N2 adsorption measurements. The 

olivine powder was stored in a desiccator filled with argon gas in order to minimize any 

potential interactions between olivine surface sites and CO2(g). 
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Methods 

Potentiometric titrations 

The high precision continuous titration experiments were controlled by a computer, 

recording the amount of added titrant, emf (E), and the drift of emf (E) at predetermined 

time intervals. Titrant was added to the vessel when the preset equilibrium condition for 

the suspension was fulfilled, i.e. a drift < 0.01 pH unit h-1. In order to maintain a constant 

temperature during the experiments the laboratory room was thermostated at 25 ± 0.5 °C 

in order to temperate all the solutions used. During the experiments, the titration vessel 

was partly immersed in an oil bath thermostated at 25 ± 0.1 °C. 

The electrodes used were glass electrodes (Radiometer pHG211), and as reference 

electrodes, double-junction Ag/AgCl (Orion 900200) with 0.100 mol dm-3 NaNO3 as 

outer filling solution. The Radiometer pHG 211 glass electrode is designed for use in 

alkaline environments, minimising any deviations from the theoretical pH response. The 

pH electrodes were calibrated using a concentration scale according to the multiple-point 

calibration technique recommended by Baucke et al. [BAU 1993, BAU 2002]. At least 

five different calibration points were obtained in solutions having well-defined [H+] and a 

total ionic strength of 0.100 M using NaNO3 as ionic medium. In order to prevent 

disturbances from atmospheric CO2(g), the titration vessel was purged with humidified 

argon gas. The argon gas was bubbled through four washing solutions, 10 % NaOH, 10 

% H2SO4, MilliQ water and 0.100 M NaNO3 ionic medium before entering the titration 

vessel. 
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Batch experiments 

Batch experiments were performed as a complement to the potentiometric titrations to 

quantify the amount of the added adsorbates that adsorbed at the mineral surfaces. They 

were also used to determine if any significant dissolution of the mineral surfaces took 

place. The experiments were carried out in polyethylene (PE) centrifuge tubes and their 

volume were typically 15 and 50 cm3. The mineral samples were then mixed and 

equilibrated for 20 hours using a tube rotator. This was followed by addition of the 

adsorbate to be studied and pH adjustment. Humidified argon gas was blown into the 

tubes before sealing them with a cap, in order to minimize CO2 contamination. The 

samples were then equilibrated for another 20 hours before sampling. 

 

Film preparation, ATR-FTIR 

The iron oxide film was deposited on the ZnSe crystal as follows below. A diluted 

aqueous suspension of magnetite particles, ~0.15 mg ml-1 was evenly deposited on one 

side of the ATR crystal. The water of the suspension was then evaporated under vacuum 

in a dessicator. The mass of the dried deposited film was determined before the ATR-

FTIR experiments and it was between 0.25 and 0.35 mg. 

Attempts with suspended olivine particles gave at hand that it was possible to use the 

same methodology when preparing a thin and adhering olivine films. 
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ATR-FTIR spectroscopy 

Adsorption reactions between iron oxide surfaces and adsorbates were studied in situ by 

pumping the working solution through a single chamber flow-through cell with a 

mounted ZnSe crystal (Crystan Ltd) coated with a film of iron oxide particles. This 

arrangement makes it possible to continuously pump the aqueous solution through the 

cell and study the adsorption reactions that take place in situ. The aqueous solution was 

recirculated with an average rate of ~5.4 ml min-1. The pH of the solutions throughout the 

experiment was controlled by a pH-stat (Mettler Toledo T70). The internal reflection 

element (ZnSe) has a trapezoidal-shaped geometry with 45° cut edges and the dimensions 

of 50 × 20 × 2 mm. Two different spectrometers were used in the experiments:  

 

(1) Bruker IFS 66v/S FTIR spectrometer, equipped with a deuterated triglycine sulphate 

(DTGS) detector (Paper II). 

(2) Bruker Vertex 80v FT-IR spectrometer, equipped with liquid nitrogen cooled 

Mercury-Cadmium-Telluride (MCT) detector (Papers III and V). 

 

Zeta potential 

Zeta potential of the different mineral particles conditioned at different pH, was measured 

by electrophoresis. Two different instrumentations were used, ZetaCompact instrument, 

(Cad Instrumentation, France) equipped with video and image analysis system (software, 

Zeta4) and Malvern Zetasizer (Nano series Nano-ZS). The electrophoretic mobility data 

of the particles were evaluated by applying the Smoluchowski equation already discussed 

above. Repeated measurements of each one of the samples were carried out, ranging from 
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triplicates to ten replicates. NaNO3 was used to regulate the ionic strength of the 

background electrolyte. Alkali (NaOH) and acid (HNO3) at the same ionic strength were 

used to adjust pH of the suspensions. Mg2+ and Ca2+ were added in the form of nitrate 

salts, soluble silicates as sodium meta silicate (water glass, Na2SiO3) and CO3
2- in the 

form of Na2CO3.  

 

Contact angle 

The sessile drop technique or more precisely, static sessile drop technique was the 

method used for the contact angle measurements. The measurements were performed 

using a Fibro 1121/1122 DAT-Dynamic Absorption and Contact Angle Tester equipped 

with a CCD camera. The contact angle was measured by applying a 4.0 μL drop of 

MilliQ water onto the pre-treated and conditioned magnetite film used in the in situ ATR-

FTIR experiments. The magnetite film had been pretreated and conditioned during the in 

situ ATR-FTIR experiments. The film was carefully rinsed with MilliQ water in order to 

remove any excess ions in order to prevent formation of precipitates on the film during to 

the subsequent drying. The ATR crystal with the rinsed magnetite film was then dried in 

a desiccator under vacuum. The contact angle for at least five different locations on the 

prepared film was analyzed and the average of the contact angle of those measurements 

was calculated. 
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Results and Discussion 

Particle size distribution of iron oxide particles 

The particle size distribution of the synthesized magnetite particles was measured both 

during the washing procedure and after the dialysis purification. Samples taken during 

the washing by decantation implied that the magnetite particles agglomerated to a large 

extent. The average particle size of the washed magnetite particles was 1712 nm, and 

ultrasonication of the sample decreased the average size to 273 nm. This implies that the 

magnetite particles consist of agglomerates that to some extent can be disrupted by 

ultrasonication. The pH of the suspension of repeatedly washed particles was ~7, and zeta 

potential measurements indicated close to neutral particles. The repulsion between the 

magnetite particles was therefore expected to be small. Thus, the particles were suspected 

to agglomerate to a larger extent than if the pH had been made either more acidic or 

alkaline.  

Therefore, the particle size of the magnetite particles, purified with dialysis was measured 

at three different pH values; pH 4, which was expected to render positively charged 

particles, pH 7, close to neutral and pH 10, negatively charged particles. A second set of 
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samples with similar pH and added soluble silicates, 0.4 mM Na2SiO3 · 9H2O were also 

prepared and analyzed. All samples were treated using ultrasonication, total time of 

treatment ranged between 0-65 minutes. At least 15 minutes of ultrasonication was 

required in order to break up the majority of the larger agglomerates. More than 15 

minutes ultrasonication decreased the average particle size for the magnetite particles 

slightly but not in any decisive way. Generally for the five comparable samples, the 

sample at pH 7 without silicate excluded, did the average particle size decreased from 

~300 nm to 160-200 nm when extending the ultrasonication treatment from 15 to 65 

minutes. The particle size of the sample at pH 7 with no silicate added, diverged 

dramatically from the other samples due to agglomeration (> 1900 nm). Due to being so 

close to pHpzc of the magnetite particles, it was not possible to disrupt the agglomerates in 

any decisive way. This is probably a result of fast re-aggregation of the magnetite 

particles due to the fact that the particles are almost non-charged, they can therefore 

much more easily approach and interact with very little to none repulsion. However, 

when pH was adjusted to a value located farther away from the pHIEP, the result was 

different. The probable reason for this is the increased surface charge of the particles and 

thereby also increased electrostatic repulsion between the magnetite particles. 

The dispersing effect of the added soluble silicates at pH 7 was evident as can be seen in 

Figure 6. The samples appeared almost similar when put in the fridge, but after 20 hours 

the magnetite suspension at pH 7 and no added silicate was discoloured whilst the one 

with added silicate still was black/brownish. The magnetite particles in the sample 

without silicate had settled on the bottom of the beaker and formed for the eye detectable 

large agglomerates. Whilst, the sample with added silicate still was a dispersion. This 
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shows that added soluble silicates (Na2SiO3) are an effective dispersant at pH 7. 

Adsorption of silicate lowers the pHIEP of the magnetite particles [POT 2011] and thereby 

facilitates disruption of agglomerates and also prevents re-aggregation. 

 

 

Figure 6. Photo illustrating the difference in separation of magnetite particles at pH 7, the 

samples were aged for 20 hours. The beaker to the left no added silicate, and beaker to 

the right with 0.4 mM Na2SiO3 added.  

 

Protolytic properties of maghemite and magnetite (Papers I and IV) 

Protolytic properties of maghemite and magnetite have been studied by potentiometric 

titrations. Several issues had to be considered when expanding the titration experiments 

to more alkaline pH regions. Calibration of pH electrodes, presumptive dissolution of the 
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particles, potential glass corrosion of the pH electrodes and titration vessels, all this had 

to be investigated and studied. 

 

Protolytic reactions of maghemite 

Protolytic properties of maghemite have been studied earlier, [JAR 2005] but not at more 

alkaline conditions i.e. pH > 8.5. Since magnetite flotation is performed at pH > 8.5, it 

was therefore necessary to expand the pH range of the model and ensure that it remained 

valid for pH > 8.5. Potentiometric titrations of maghemite particles (pH 2.8 to 11.1) were 

performed and proton exchange data for the maghemite-H+ system was collected within 

this range. The amount of active surface sites determined by Gran plot technique was 

compared with previous results. The surface site density for maghemite from this study 

resulted in 0.99±0.05 sites nm-2, slightly larger than 0.81±0.05 sites nm-2 that was 

reported by Jarlbring et al. [JAR 2005]. Proton exchange reactions of maghemite and its 

reactive surface sites were formulated as previously shown by Reaction 1 and 2. When 

modelling the data, a difference emerged with respect to the earlier published capacitance 

value. When optimising the model, it resulted in a capacitance value of 2.4 F m-2 to 

compare with 1.0 F m-2 [JAR 2005]. However, the differences between the modelled 

intrinsic surface complexation constants were small (Table 1). Experimental data from 

the potentiometric titrations and the fit of suggested model are shown in Figure 7. 
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Table 1. Results from model calculations of the maghemite-H+ and magnetite-H+ 

systems. 

 H+ log s(int.), -Fe2O3 Jarlbring et al. log s(int.), Fe3O4 

≡FeOH2
+ +1 5.39 ± 0.01 5.53 ± 0.10 5.19 ± 0.02 

≡FeO- -1 -7.51 ± 0.01 -7.66 ± 0.08 -7.82±0.01 

Ns (sites nm-2)  0.99 ± 0.05 0.81 ± 0.05 1.50 ± 0.08 

Optimised capacitance, (F m-2)  2.40 1.00 2.10 

pH at immersion  6.30 ± 0.05 6.5 6.6 ± 0.1 
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Figure 7. Titration curve of maghemite suspension showing H as a function of pH. The 

circles ( ) denote experimental data, and the solid line represents the calculated model 

according to Table 1. 
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Protolytic properties of magnetite 

The Fe2+ content of magnetite makes it more soluble than maghemite which is fully 

oxidized viz. contains no Fe2+ [COR 1996]. Potentiometric titrations at acidic pH are then 

liable to initiate ion exchange between protons and Fe2+ at the surface layer of magnetite. 

In order to minimize this potential ion exchange reaction between added protons, [H+] 

and Fe2+ only base, NaOH, was used in these titrations, i.e. only the alkaline range was 

studied. The immersion of magnetite particles resulted in a pHimm of 6.6 ± 0.1. This value 

is close to reported pHpzc for magnetite, 6.3 – 7.1 [MAR 1999, STU 1992, REG 1983, 

TEW 1972, FUJ 1967]. The magnetite surfaces is then essentially non-charged at pHimm 

resulting in as discussed above, minimum repulsion between the particles. Strong 

tendencies of aggregation of the magnetite particles in the titration vessel at pHimm, 

supported this. Extensive stirring of the suspensions was provided in order to counteract 

the aggregation. 

Figure 8 illustrates the number of protons exchanged per surface site versus pH, 

calculated from titration data according to Equation 7. From Figure 8, it becomes evident 

that something significant concerning the proton exchange occurs at approximately pH 

10.5 and above. Dissolution and reconstructive transformation of magnetite at alkaline 

conditions have been reported by He and Traina [He 2005]. The authors showed that 

magnetite particles treated with dilute NaOH solution to some extent were transformed to 

maghemite. They suggested the following transformation reaction for the magnetite 

surfaces: 

 

 Fe3O4(s) + OH- + H2O  -Fe2O3(s) + Fe(OH)3
-   Reaction 9 
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Figure 8. The number of protons exchanged per surface site, as a function of pH. 

Experimental data from three separate Fe3O4-H
+ titrations using 12.5 g dm-3 of the 

mineral are displayed. 

 

The dissolution/transformation reaction of magnetite (Reaction 9) may therefore be the 

most likely reason for the observed consumption of hydroxide ions above pH 10.8. 

Hydrolysis data for Fe(II) [BAE 1986], also shows that the concentration of Fe(OH)3
- 

becomes significant at pH > 10, and the dominating aqueous complex from pH  10.8. 

Thus, the dissolution/transformation reactions and the subsequent release of Fe(II) from 

the magnetite surface at this pH, will then be facilitated by the Fe(II) hydrolysis. This 

further supports the hypothesis that it is the dissolution/transformation reaction of 

magnetite that is responsible for the rapid increase of released protons at pH 10.8 and 

above.  
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Due to the dissolution/transformation of magnetite, the modelling was restricted to pH < 

10.2. This in order to prevent the above discussed dissolution/transformation reaction to 

influence the experimental proton exchange data. The proton exchange reactions used to 

model the maghemite-H+ system were also applied on the magnetite-H+ system (Reaction 

1 and 2). The intrinsic equilibrium constants from the surface complexation modelling of 

the magnetite-H+ system are presented in Table 1. From Table 1, it becomes evident that 

the intrinsic equilibrium constants for the protolytic reactions of magnetite and 

maghemite are very similar. 

 

Silica leakage during potentiometric titrations 

The extent and possible effects from dissolved silica, originating from dissolution of 

glass surfaces, i.e. the pH electrode and titration vessel were investigated. Several 

experiments with the purpose to collect information about the potential influence from 

dissolved silica were carried out. Samples at the end points of the maghemite titrations, 

pH 3 and 11 were collected. Analyses of the samples showed that the concentrations of 

dissolved silica were below the detection limit, ~4 μM, after the performed titrations 

from pH 3 to 11. When the titration was conducted in the opposite direction, from pH 11 

to 3, it resulted in a concentration of ~60 μM of free soluble silica in solution. The 

explanation for this is related to silicate adsorption, at pH 3 the adsorption at maghemite 

surfaces is much less than at pH 11. This will be further discussed in a upcoming section 

covering silicate adsorption at iron oxide surfaces. 

In an attempt to estimate the amounts of silica that were dissolved during the titrations, an 

experiment without maghemite particles was performed at pH ~11. Samples were 
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collected every 24 hour, followed by chemical analysis of the silicate concentrations by 

the blue molybdate method. Experiments using a titration vessel of plastic instead of 

glass showed that more than 85 % of the dissolved soluble silica originated from the pH 

glass electrode. The dissolution of silica from the pH electrode was as follows: 44 μM 

(24 h); 56 μM (48 h); 63 μM (72 h) and 67 μM (96 h).  

 

Soluble silicate adsorption at iron oxide particles (Papers I and II) 

Adsorption of soluble silicates onto maghemite was studied using both potentiometric 

titrations (Paper I) and in situ ATR-FTIR spectroscopy (Paper II). The latter method was 

also used to study the adsorption of silicate at magnetite.  

 

Potentiometric titration, modelling of the maghemite-H+-silicate system 

Three different ratios between the concentration of surface sites and silicate were studied 

([FeOH]:[Si(OH)4], 3:1; 2:1 and 1:1). The titrations were carried out covering the pH 

range, 2.8 to 11.1. Surface complexation reactions used in the model calculations to 

describe the adsorption of monomeric silicate (silicic acid) were as follows: 

 

FeOH + Si(OH)4(aq)  FeOSi(OH)3 + H2O    Reaction 10 

FeOH + Si(OH)4(aq)  FeOSiO(OH)2
- + H2O + H+  Reaction 11 

FeOH + Si(OH)4(aq)  FeOSiO2(OH)2- + H2O + 2H+   Reaction 12 

 

Models consisting of two of these reactions, (10) and (11) or alternatively all three 

reactions, (10)–(12) have previously been used when studying adsorption of silicate on 
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iron oxides [SWE 1999, SIG 1981, HAN 1994, JOR 2007]. A model including all three 

surface reactions (10)–(12), resulted in an improved fit both to the proton exchange data 

as well as silicate adsorption data. Calculated values for the intrinsic equilibrium 

constants of the model are presented in Table 2. Experimental data for the adsorption of 

silicate in a maghemite suspension and the fit of the tested models are shown in Figure 9. 

The starting concentration of Si(OH)4(aq) and active surface sites, FeOH, were 1.25 × 

10-3 mol dm-3 ([ FeOH]:[Si(OH)4] = 1:1). As seen in Figure 9, the addition of a third 

surface complex, Reaction (12), significantly improved the model. Figure 9, also shows 

the small divergence between the model based on proton data solely (dashed line) and the 

model corrected using silicate adsorption data (solid line). The third equilibrium constant, 

log s
-211(int), however, was slightly adjusted (≈ 0.5 logarithmic units) to improve the fit 

to silicate data. This correction was necessary since desorption of silicate at high pH 

essentially is a proton neutral reaction: 

 

 FeOSiO2(OH)2- + H2O ↔ FeO- + SiO(OH)3
-   Reaction 13 

 

Table 2. Presentation of the resulting intrinsic equilibrium constants of silicate adsorption 

on maghemite in aqueous suspensions. 

Surface species Intrinsic equilibrium constant 

FeOSi(OH)3 log s
011(int) = 3.61 ± 0.01 

FeOSiO(OH)2
- log s

-111(int) = -3.00 ± 0.01 

FeOSiO2(OH)2- log s
-211(int) = -11.35 ± 0.02 
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Figure 9. The adsorption of silicates on maghemite for the ratio [ FeOH]:[Si(OH)4] = 

1:1 (1.25 × 10-3 mol dm-3) as a function of pH. The solid line ( ) represents the proposed 

model, dashed line (   ) the model based on only proton data and the dotted line ( ) 

a model based on surface reactions (10) and (11). 

 

Based on the proposed model above, a surface complex speciation for the silicate 

adsorption at the maghemite surfaces was calculated (Figure 10). As illustrated in Figure 

10, the adsorbed silicate starts to deprotonate already at pH < 5 implying FeOSiO(OH)2
- 

to become the dominating surface species in the pH range 7.0 – 10.3. At even higher pH, 

the surface species will either be further deprotonated to form FeOSiO2(OH)2- or the 

silicate will desorb resulting in a FeO- surface site. 
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Figure 10. Surface complex speciation, calculated using the proposed model and a 

surface site to silicate ratio of, [ FeOH]:[Si(OH)4(aq)] = 1:1. Fi denotes the fraction of 

the total concentration of surface sites. 

 

In situ ATR-FTIR spectroscopy, silicate adsorption at iron oxides 

Adsorption of silicate at magnetite and maghemite surfaces was studied by in situ ATR-

FTIR experiments. Both similarities and differences were found concerning the 

adsorption of silicate onto the two iron oxides. Spectral data from the ATR-FTIR 

experiments showed that the silicate adsorbed in a qualitatively similar manner whilst 

they differed quantitatively. Spectra recorded using different concentrations of silicate 

added to the aqueous solution in contact with the iron oxide films at pH 8.5, are presented 

in Figures 10 and 11. The pH 8.5 was chosen because it is located close to the observed 

adsorption maxima of silicate. The ATR-FTIR spectra of the magnetite and maghemite 
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films illustrated similar changes in appearance with increasing silicate concentration. 

Thus, the increased concentration of silicate resulted in a shift towards higher wave 

numbers for the peak of the adsorption band. This shift indicates an increased 

polymerisation of the silica monomers into oligomers and more polymeric silica species. 

These changes for adsorbing silicate at pH 8.5 are shown in Figure 10 for maghemite and 

in Figure 11 for magnetite.  

 

 a) Maghemite     b) Magnetite 

 

Figure 11. ATR-FTIR spectra showing the time dependence of silicate adsorption onto a) 

maghemite and b) magnetite, at pH 8.5 and at different silica concentrations. 

 

Figure 11 also shows that there is a difference in the intensity of adsorbed silicate for the 

maghemite and magnetite films. Magnetite films resulted in a higher intensity of sorbed 

silicate than maghemite films, when conditioned in a similar way. This result indicated 

that the silicate adsorbs to a much greater extent onto magnetite than maghemite. 
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However, the results from the potentiometric titrations showed that the silicate sorbed 

readily onto maghemite. Approximately 85 % of the silicate sorbed at pH 8.5 and a ratio 

of 1:1 between surface sites and aqueous silicate. A possibility would be that it is not the 

propensity to adsorb at the surface sites that separates the two iron oxides. Instead, it is 

the rate of silicate sorption onto already sorbed silicate, followed by the subsequent 

polymerization that is responsible for this difference. Surface polymerization of the 

sorbed silicate may be more favourable at magnetite, tentatively due to the difference in 

surface site density. As discussed above, magnetite has 50 % more proton active surface 

sites per nm2. This implies the possibility that the distance between the sorbed silicate is 

shorter, which may facilitate further adsorption of silicate and subsequent polymerization. 

 

Olivine particles at alkaline conditions (Paper III) 

Potentiometric titrations of suspensions with olivine particles were used to study the 

proton exchange and to estimate the concentration of active surface sites. Olivine 

particles were immersed in an aqueous solution with 0.100 M ionic strength and pH was 

varied between 9.4 and 11.5. The amount of added solid material to the suspensions in 

the experiments was varied (Figure 12). The choice of equilibrium condition and its 

influence on the amount of detected surface sites was also studied. Two different 

equilibrium conditions were used; < 0.01 pH unit h-1 (implying rather long waiting 

periods) and additions of the titrant every third minute, henceforth called fast titrations, 

with a change of pH of about 0.08 – 0.17 pH unit h-1.  

A linear relationship between the amount of added olivine and the volume of consumed 

titrant, Veq was found. Using less strict steady state conditions viz., fast titration resulted 
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in a decrease of consumed titrant (Figure 12). Fast titrations resulted in Veq values that 

were consistently lower, about 62 % of those obtained from the steady state titrations. 

Thus, fast titrations will not detect all available surface sites, a parameter of high 

importance when it comes to model the surface reactions within the system. Proton 

exchange data from the experiments using the strict equilibrium conditions resulted in, 

1.88 ± 0.16 sites nm-2 for olivine using Equations 4 and 5 as previously discussed.  
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Figure 12. Equivalence volumes at different mass concentrations: 12.50 g dm-3 (1.53 ± 

0.21 ml), 25.00 (2.86 ± 0.20), 50.00 (5.85 ± 0.35) and 100.00 (11.16) respectively. Filled 

circles ( ) and the solid line represent steady state titrations, circles ( ) and dashed line 

correspond to fast titrations. 
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Effects of adding Mg2+ or Ca2+ to the olivine suspension 

Process water species e.g. Mg2+ and Ca2+ and their influence on the release of Mg2+ from 

olivine particles were elucidated by batch experiments. The total ionic strength was kept 

at 0.100 M and 1.0, 2.0 or 4.0 mM of either Mg(NO3)2 or Ca(NO3)2 were added to the 

batch samples. Samples withdrawn after equilibration were analyzed and plotted against 

pH (Figures 13 and 14). 
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Figure 13. Aqueous concentration of Mg2+ ions vs. pH, using different magnesium 

concentrations in the background electrolytes: ( ) 0.100 M NaNO3, (+) 1.0 mM 

Mg(NO3)2, ( ) 2.0 mM Mg(NO3)2, (×) 4.0 mM Mg(NO3)2, all at the total ionic strength 

of 0.100 M. Solid black line displays the saturation curve for brucite and the dotted line 

for chrysotile and brucite together and using concentrations of Mg2+, (0.6 mM) and Si, 

(0.1 mM) released upon immersion. 
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Figure 14. Aqueous concentration of Mg2+ ions vs. pH, using different calcium 

concentration in the background electrolytes: ( ) 0.100 M NaNO3, (+) 1.0 mM Ca(NO3)2, 

( ) 2.0 mM Ca(NO3)2, (×) 4.0 mM Ca(NO3)2, all at the total ionic strength 0.100 M. 

 

Olivine proved to release Mg2+ from its surface structure regardless of additions of Mg2+ 

or Ca2+. Additions of Ca2+ had negligible effect on the Mg2+ release from the olivine 

(Figure 14). Potential supersaturation and thus the possibilty of precipitation in the 

suspensions were evaluated by Visual MINTEQ [GUS 2010]. Modelling with the 

obtained experimental data indicated no supersaturation with respect to calcium silicates, 

carbonates or hydroxides, whilst magnesium precipitates may be formed. Especially 

brucite and chrysotile emerged as potential magnesium precipitates as can be seen in 

Figure 13. 
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The suspensions proved to be supersaturated with respect to chrysotile all over the 

experimental pH range and saturated with brucite at some of the experimental conditions, 

i.e. 2.0 and 4.0 mM Mg2+ and pH > 10.2. However, supersaturation of chrysotile can also 

be found in natural waters. The explanation probably lies in slow precipitation kinetics 

for chrysotile at low temperatures, implying that influence from chrysotile precipitation is 

probably negligible within the time interval for the experiments [MAR 2008]. As 

mentioned above, some precipitation of brucite may occur at pH > 10.2 (4.0 mM Mg2+) 

and pH > 10.4 (2.0 mM Mg2+). 

However, especially the additions of Mg2+ resulted in a decrease of released and 

dissolved silica in the suspension. If no precipitation occurs it may be due to Mg2+ 

adsorption at the negative olivine surfaces. Added Mg2+ may act as the bridging 

component creating a surface site that the dissolved silicates in the suspension may 

adsorb to. In order to further study the possibility of surface adsorption of silicates, an in 

situ ATR-FTIR experiment was performed. An olivine film was conditioned with 0.100 

M NaCl at pH 10.2. A very small decrease of the intensity at the absorption band for 

silicates (800-1200 cm-1) was observed. A new single beam background spectrum of the 

sample was recorded before addition of 1.0 mM Mg(NO3)2 to the solution circulated 

through the flow cell. Directly after the addition of Mg2+, a peak at ~1012 cm-1 was 

observed. The intensity of the peak increased during the first 10 minutes, and then it 

reached a maximum and remained constant for the rest of the conditioning period (1 

hour). Adsorption at the 1010-1020 cm-1 band is attributed to adsorption of silicate at 

mineral surfaces [YAN 2009]. This result supports the previously discussed hypothesis 

that dissolved silicate, released from the olivine particles may form surface complexes 
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with added and already adsorbed Mg2+. The mass of the film was also determined before, 

(0.27 mg) and after the ATR-FTIR experiment (0.26 mg). This indicates that no extensive 

dissolution or loss of the film occurred during the experiment. 

 

Magnesium adsorption onto magnetite and maghemite (Paper IV) 

The extent of Mg2+ adsorption at magnetite and maghemite was investigated by 

potentiometric titrations and complementary batch experiments. The pH of the 

experiments was confined to 2.8 < pH <10.2 for maghemite, and pH at immersion (pHimm) 

to pH 10.2 for magnetite. These limitations of the experimental pH values were set to 

minimize the mineral dissolution and the potential brucite (Mg(OH)2) precipitation. 

Dissolution and/or precipitation reactions will, as previously discussed, for certain affect 

and disturb the proton exchange data generated by the surface reactions that the 

experiments were designed to study. Therefore, these pH limitations on the experiments 

were of high importance in order to minimize and exclude the introduction of 

inaccuracies to the model. The hydrolysis of Mg2+ to MgOH+ (log K = -11.69 [BAE 

1986]) was also considered in the model calculations. The calculations showed that 

depending on the Mg2+ concentration, up to approximately 5 % of the Mg2+ was 

hydrolyzed, forming MgOH+, before the precipitation of Mg(OH)2(s). Three different 

concentrations of magnesium ions were used in the experiments in order to investigate 

the effect of different ratios between surface site and the Mg2+ concentrations; the ratios 

of [ FeOH]:[Mg2+] used was 2:1; 1:1 and 1:2. 
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Modelling of Mg2+ adsorption at maghemite 

The resulting proton exchange per active surface site, H+/site, of maghemite and the 

three concentrations of adsorbing magnesium ions were plotted as a function of pH 

(Figure 15). 
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Figure 15. Proton exchange per active surface site, H+/site, of the -Fe2O3-Mg2+ system 

as a function of pH. The surface site:Mg ratios were; 2:1 ( ), 1:1( ), and 1:2( ). The 

calculated model for the different ratios is shown as a solid line. The suspension 

contained 12.5 g dm-3 of the mineral. 

 

The release of protons increased with increasing amounts of added Mg2+ and pH which 

resulted in 2.0 H+ released site-1 at a surface site:Mg ratio of 2:1 (0.5 Mg site-1), 2.5 H+ 

released site-1 at a ratio of 1:1 (1.0 Mg site-1) and > 2.5 H+ released at a ratio of 1:2 (2.0 

Mg site-1) (Figure 15). Proton exchange reactions describing Mg2+ adsorption at the 
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reactive surface sites of maghemite were formulated and evaluated by model calculations. 

Included reactions are shown below:  

 

2≡FeOH + Mg2+ +H2O   (≡FeO)2MgOH- + 3H+  Reaction 14 

2≡FeOH + Mg2+ +2H2O   (≡FeO)2Mg(OH)2
2- + 4H+  Reaction 15 

≡FeOH + Mg2+    ≡FeOMg+ + H+   Reaction 16 

≡FeOH + Mg2+ + H2O   ≡FeOMgOH + 2H+  Reaction 17 

≡FeOH + Mg2+ + 2H2O   ≡FeOMg(OH)2
- + 3H+  Reaction 18 

 

Modelling of the experimental proton exchange data suggested that Mg2+ forms both 

mono- and bidentate surface complexes. The optimised model for the ratio 0.5 Mg2+ site-1 

were based on Reactions (14) to (18), i.e. both mono- and bidentate surface reactions 

were included. Increased amount of adsorbate, viz. 1.0 and 2.0 Mg2+ site-1, resulted in an 

optimized model solely based on monodentate surface reactions (Reactions 16 to 18). 

The calculated intrinsic equilibrium constants describing the adsorption of Mg2+ at 

maghemite are presented in Table 3.  

The fit between the suggested model and experimental data at an excess of Mg2+, (2.0 

Mg2+ site-1) and pH > 9.5 diverged. Experimental proton data indicated that the calculated 

model underestimated the amount of consumed OH-. Adsorption of Mg2+ on already 

adsorbed and hydrolysed Mg2+ i.e. formation of polynuclear species and could explain 

this discrepancy. 
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Table 3. Intrinsic equilibrium constants of the proposed surface complexation model for 

the -Fe2O3-Mg2+ system, C = 2.4 F m-2 and the Fe3O4-Mg2+ system, C = 2.1 F m-2. 

Surface species ≡FeOH  H+ Mg2+ Maghemite 

log s(int.) 

Magnetite 

log s(int.) 

≡FeOMg+ 1 -1 1 -3.95±0.01 -5.85±0.01 

≡FeOMgOH 1 -2 1 -12.57±0.01 -15.70±0.04 

≡FeOMg(OH)2
- 1 -3 1 -22.69±0.03 -24.96±0.02 

a (≡FeO)2MgOH- 2 -3 1 -20.27±0.03 -23.78±0.03 

a (≡FeO)2Mg(OH)2
2- 2 -4 1 -28.76±0.02  

b ≡FeOMgOMg(OH)2
- 1 -5 2 -39.48±0.04  

a For modelling the ratio 0.5 Mg2+ site-1, 

b For modelling the ratios 1 and 2 Mg2+ site-1 

 

Formation of polynuclear species by hydrolysis and transition to surface precipitation 

have been discussed earlier [FAR 1985, STU 1992]. The effect of an increasing adsorbate 

concentration and surface precipitation has also been discussed by Charlet and Manceau 

[CHA 1992, CHA 1993]. A complementary surface reaction (Reaction 19) was therefore 

introduced to describe the formation of these polynuclear surface species. This addition 

to the model significantly improved the fit. At the same time the impact on the values of 

the other intrinsic equilibrium constants was insignificant. 
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 ≡FeOMg(OH)2
- + Mg2+ + H2O  ≡FeOMgOMg(OH)2

- + 2H+ Reaction 19 

 

Batch experiments confirmed that the concentration of Mg2+ in the suspension predicted 

by the model was consistent with experimental data. The resulting fit between 

experimental and modelled Mg2+ data was essentially good, but there were some 

discrepancies at high pH and low Mg2+ loading, corresponding to 0.5 Mg2+ site-1. The 

discrepancy between experimental and modelled Mg2+ data was approximately 3 %. This 

was a rather small deviation when considering the uncertainty of the surface site density 

(~ 5 %). A calculated speciation curve for the -Fe2O3-Mg2+ system for the ratio 2 Mg2+ 

site-1, is shown in Figure 16.  
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Figure 16. Distribution curves of surface species for the modelled -Fe2O3-Mg2+ system 

with an excess of magnesium ions (2 Mg2+ site-1). The dotted line shows the fraction of 

surface sites with adsorbed magnesium. 
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Modelling of Mg2+ adsorption at magnetite 

The proton exchange data for the magnetite-Mg2+ system were evaluated in the same way 

as described for the maghemite-Mg2+ system. The resulting intrinsic equilibrium 

constants for the magnetite-Mg2+ system are presented in Table 3. The experimental data 

of Mg2+ in the magnetite suspension were consistent with the modelled data. The Mg2+ 

proved to adsorb and interact to lesser extent with magnetite than with maghemite 

(Figures 16 and 17). At the ratio 2.0 Mg2+ site-1 and pH 10, one fourth of magnetite’s 

surface sites was unoccupied by Mg2+ whilst maghemite established 100 % surface site 

coverage. 

0

20

40

60

80

100

6 7 8 9 10

pH

S
u

rf
ac

e 
sp

ec
ie

s,
 %

≡FeOH2
+

≡FeOH

≡FeO-

≡FeOMg+

≡FeOMgOH

≡FeOMg(OH)2
-

Figure 17. Distribution curves of the surface species in the Fe3O4-Mg2+ system with an 

excess of magnesium ions (2 Mg2+ site-1). The total fraction of surface sites with 

adsorbed magnesium is shown by the dotted line, (   ). 
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Influence of Ca2+, Mg2+, CO3
2- and soluble silicate (Paper V) 

The simultaneous impact on the surface characteristics of magnetite particles, of some of 

the most abundant ions in the process water at the LKAB pelletizing plant in Kiruna was 

studied. These ions were: Ca2+, Mg2+, CO3
2- and soluble silicate [WES 2010]. Particularly 

of interest, was how these ions may affect the amount of collector adsorbing at the 

magnetite surfaces.  

 

Zeta potential of conditioned magnetite particles 

The influence of Ca2+, Mg2+, CO3
2- and silicate ions on the zeta potential of magnetite 

particles was studied. Magnetite particles at different ionic strengths and background 

electrolytes, viz. 0.010 M NaCl and 0.100 M NaNO3, displayed no significant difference 

in zeta potential (Figure 18). Though, upon adding Ca2+ (Ca(NO3)2) to the solution at 

different ionic strengths, the effect of Ca2+ and the ionic strength became evident. The 

zeta potential at 0.100 M ionic strength, typically was 15-20 mV more negative than at 

0.012 M ionic strength and within the range 4.5 < pH < 11. Increased ionic strength from 

0.012 to 0.100 M means that the concentration of nitrate ions increases from 8 mM to 96 

mM. Co-adsorption of Ca2+ and NO3
- at iron oxide surfaces have been suggested by 

Pochard et al. [POC 2002]. The resulting effect and influence of this reaction will then 

increase in significance with increasing nitrate concentration. 
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Figure 18. Influence of Ca2+ and ionic strength on the zeta potential of magnetite 

particles as a function of pH. The ionic strength was regulated by additions of NaNO3 and 

Ca2+ was added in the form of Ca(NO3)2. Experimental points are interconnected as a 

guide for the eye. 

 

Magnetite particles equilibrated with magnesium ions did not display a similar 

dependence to changes of the ionic strength. When removing the background electrolyte 

(NaNO3) it resulted in a small increment towards more positive zeta potential values of 

approximately 5mV, all over the pH studied (pH 4.5 – 11).  

Competitive adsorption between Ca2+ and Mg2+ was studied by three independent 

experiments. The magnetite suspension was equilibrated with Mg2+ (Mg(NO3)2), 

followed by addition of Ca2+ (Ca(NO3)2). In a second experiment, the equilibration was 

performed in the reverse order, i.e. Ca2+ followed by Mg2+. In the third experiment, 

magnetite particles were added to a solution with Ca2+ and Mg2+ ions. According to 
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Figure 19, there is a strong similarity between the zeta potential curve when the 

magnetite suspension was equilibrated with aqueous Ca2+ solely and the experiments in 

which the magnetite particles first was equilibrated with Ca2+ before adding Mg2+. When 

performing the experiment in the reverse order, Mg2+ followed by Ca2+, some 

dissimilarity appeared in the pH range 8 - 10, as seen in Figure 19. The interaction 

between the earlier adsorbed Mg2+ and later added Ca2+, increased the positive surface 

charge of the magnetite particles. Adsorption of Mg2+ does not occur to any greater 

extent for pH < 7 [JOL 2012]. Thus, this interaction between adsorbed Mg2+ and Ca2+ 

may be considered negligible at lower pH. 
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Figure 19. Zeta potential vs. pH of magnetite particles that were first equilibrated with a 

4.0 mM aqueous Ca2+ solution before adding 1.5 mM Mg2+ and vice versa. In addition 

the figure shows zeta potential vs. pH for a system where the Ca(NO3)2 and the 

Mg(NO3)2
 solutions are equilibrated with the magnetite particles simultaneously. 

Experimental points are interconnected as a guide for the eye. 
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These findings indicate that neither added Mg2+ nor added Ca2+ could displace already 

adsorbed Ca2+ or Mg2+, alternatively that the kinetics of displacement was very slow. 

Equilibration with both Mg2+ and Ca2+ added simultaneously resulted in almost the same 

zeta potential vs. pH curve as when the magnetite suspension was first equilibrated with 

Mg2+ and then with Ca2+ (except for very alkaline pH). This indicated that Mg2+ adsorbed 

more readily than Ca2+ to the magnetite surfaces. 

 

Adsorption of carbonate and soluble silicate 

Magnetite films deposited on ZnSe crystals were used to study the effect of adsorbing 

carbonate and silicate by using in situ ATR-FTIR spectroscopy. A single beam 

background spectrum of the milliQ water was recorded before addition of the actual 

components of the solutions. The film was conditioned for 1 hour at each addition and the 

spectral information was recorded. Then, one more component was added to the solution 

and circulated through the flow cell for 1 hour. This procedure was repeated until all 

components had been added to the solution. The components were added in the following 

sequence: cation, viz. Mg2+ or Mg2+ & Ca2+ (MgCl2 and CaCl2); carbonate ions (Na2CO3); 

soluble silicates (Na2SiO3). 

Resulting spectra of the sorbed carbonate and competitive adsorption with added silicate 

from the in situ ATR-FTIR study at pH 9 are presented in Figures 20 and 21. The spectra 

in Figure 20 exhibits a strong band with a peak intensity at 1360 cm-1, assigned to 

symmetric stretching of  adsorbed CO3
2- and a second band at 1480 cm-1 with a shoulder 
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at 1540 cm-1, due to the its asymmetric stretching. Addition of Ca2+ to the suspension 

significantly increased the intensity of the bands assigned to adsorbed carbonate.  
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Figure 20. Infrared spectra of a magnetite film in contact with aqueous solutions of 

MgCl2 and Na2CO3 or MgCl2, CaCl2 and Na2CO3. Ionic strength adjustments were made 

by additions of NaCl. The time of the adsorption reaction was 1 hour and the solution pH 

was 9. Concentrations of Mg2+ and/or Ca2+ as well as the actual ionic strength are shown 

in the figure. The concentration of CO3
2- was 0.4 mM in all four solutions. 

 

Precipitation of CaCO3(s) at the magnetite surface may explain this increase since 

formation of calcium carbonate precipitates at pH 9 was supported by Visual MINTEQ 

[GUS 2010] modelling. The results from the ATR-FTIR experiments also showed that 

some of the intensity of the adsorbed carbonates remained upon addition of silicate 

(Figure 21). These results indicate a more stable adhesion of some of the carbonate, 

possibly in the form of surface precipitates. Experiments repeated at pH 7 resulted in a 
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similar spectral behaviour as for experiments at pH 9. However, the intensity of adsorbed 

carbonate was consistently lower. 

The experiments in which silicate were added (Figure 21), displayed typical infrared 

bands in the spectral region 1200 – 900 cm-1 for adsorbed silicate. The peak of the 

spectral feature appeared at ~1013 cm-1 and the shoulder to the left of the peak intensity 

at ~1115 cm-1 imply the formation of oligomeric silicate surface species and 

polymerization of the adsorbed silicate, [YAN 2009]. As can be seen in Figure 21, the 

addition of Ca2+ increased the intensity of adsorbed silicates which was supported by 

previously reported results [POT 2010]. 
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Figure 21. Infrared spectra of carbonate adsorption and the effect upon addition of 

silicate at pH 9, 1.5 mM MgCl2, 4.0 mM CaCl2, 0.4 mM Na2CO3 and 0.4 mM Na2SiO3 

were added to give the aqueous solutions its composition. Spectra are recorded 1 h after 

the addition of silicate. The ionic strengths are inserted in the figure. 
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A change in the spectral region around 1630 cm-1 could also be observed. Bending 

vibration of water molecules absorbs strongly in this region and even very small changes 

in the amount of water adjacent to the magnetite surface, causes distinct changes of the 

infrared intensity. A negative band implies that the amount of water penetrated by the 

infrared beam had decreased compared with the reference spectrum and in the opposite 

case, a positive band indicate an increased amount of water. The results imply then that at 

low ionic strength, 0.019 M the infrared beam penetrates through less water as compared 

with the single beam background spectrum as can be seen in Figure 21.  

 

Influence of Mg2+ and Ca2+ on collector adsorption 

The infrared band at 2854 cm-1, originating from methylene stretching vibrations was 

used to evaluate the potential influence of Mg2+ adsorption on the collector adsorption. 

The difference in absorbance of the methylene (-CH2-) group before and after adding the 

collector to the working solution is shown in Figure 22, for the various systems 

investigated. It was assumed that the absorbance of the methylene vibration is 

proportional to the amount of collector adsorbed onto the magnetite film. The results 

showed that pH, ionic strength and Ca2+ strongly influence the amount of adsorbed 

collector. Experiments at pH 9 and no added Ca2+ showed the smallest amount of 

adsorbed collector molecules. Addition of Ca2+ resulted in a very small increase of this 

amount. Increasing the ionic strength at pH 9 resulted in a similar small increase for the 

Mg2+ system. Whilst, the absorbance of the methylene band increased significantly when 

the ionic strength of the Mg2+ + Ca2+ system was increased, (almost twice as high). 
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However, at pH 7 the amount of adsorbed collector was lower for the Mg2+ + Ca2+ than 

for the Mg2+ system. Increased adsorption of silicate due to added Ca2+ could possibly 

explain the lesser amount of adsorbed collector. As discussed previously, addition of Ca2+ 

increased the adsorption of silicate. The reduced amount of adsorbed collector could 

therefore be an effect of adsorbed silicate and its protective properties, against collector 

adsorption.  
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Figure 22. The absorbance of the symmetric methylene vibration vs. time is shown at 

different pH, ionic strength, and electrolyte concentrations (concentrations and pH 

inserted in the figure). 0.4 mM Na2CO3 and 0.4 mM (Na2SiO3) was added to all of the 

suspensions and NaCl was added to adjust the ionic strength. After each set of solutions 

had reacted with the magnetite surface for 1 hour, the flow-through cell was emptied. The 

aqueous model collector (25 mg/dm3) was then added to the mixture, and the system was 

allowed to equilibrate for another hour. 



 - 65 - 

Contact angle measurement and wettability 

The contact angle of the ZnSe ATR crystal used as underlying substrate was measured to 

be approximately 84°, implying that the ZnSe crystal itself is rather hydrophobic. 

However, the magnetite film used was sufficiently thick to eliminate influence from the 

crystal surface on the contact angle values. The measured contact angles are presented in 

Table 4. 

 

Table 4. Contact angles of magnetite films deposited onto the ZnSe ATR crystal and 

equilibrated with various aqueous media. The contact angles were assessed after 1 hour 

of collector adsorption.  

Mg2+, mM Ca2+, mM pH Ionic strength, M Contact angle 

1.5  7.0 0.010 64.5 ± 0.5° 

1.5 4.0 7.0 0.019 51.0 ± 0.6° 

1.5  9.0 0.010 24.8 ± 2.4° 

1.5 4.0 9.0 0.019 31.6 ± 1.9° 

1.5  9.0 0.100 32.9 ± 3.8° 

1.5 4.0 9.0 0.100 37.1 ± 1.3° 

 

Changes in pH, ionic strength and cations, (Mg2+ and Ca2+) in the solution, significantly 

affected the wettability of the magnetite film (Table 4). The surface roughness of the 

deposited magnetite film was probably the reason for the variation in the calculated error 

of the average contact angles. Lowering of pH from 9 to 7, resulted in a substantial 

increase of the contact angle in the experiment with only Mg2+ and those with both Mg2+ 
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and Ca2+ added. This was also in accordance with the in situ ATR-FTIR measurements, 

which showed a significant increase of collector adsorption at pH 7 (Figure 22). 

Increased adsorption of collector increases the hydrophobicity of the surface, i.e. 

increased contact angle. In this context it should also be mentioned that the adsorption of 

silicate on iron oxides is often found to have a maximum around pH 9 [HIE 2007, JOR 

2007, JOL 2010]. Less adsorption of silicate may also facilitate the adsorption of 

collector since adsorbed silicate increases the negative surface charge of the magnetite 

surfaces, i.e. hamper adsorption of the anionic collector.  

Increasing the ionic strength to 0.100 M at pH 9 (Figure 22, trace ×) resulted in the same 

tendency seen in the ATR-FTIR experiments, namely a slight increase of adsorbed model 

collector (Table 4). Increased ionic strength reduces the thickness of the double layer 

(shorter Debye-length) and this may facilitate the increased adsorption of collector 

molecules. This implies that the van der Waals interaction between collector and the 

modified magnetite surface is important, especially for the rate of collector adsorption.  

In a previous study, a magnetite film conditioned in a similar manner as above but 

without adding Mg2+ and CO3
2- gave rise to a contact angle of 44 ± 3° [POT 2011]. In 

this study the working solution which contained both Ca2+ and CO3
2- in addition to Mg2+ 

and silicate, showed a contact angle of about 32° (Table 4). It was assumed that the 

adsorbed carbonate only had a minor impact on the contact angle, since it is largely was 

replaced by the silicate as discussed above. A preferential adsorption of Mg2+ over Ca2+ 

would favour the wettability of the magnetite surface. This since the collector is designed 

to specifically adsorb to calcium sites and if less Ca2+ is adsorbed to the magnetite 

surface it would result in less unwanted adsorption of collector. Adsorption of Mg2+ at 
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the magnetite surfaces therefore reduces the possibilities of Ca2+ to adsorb. Thus, it is 

suggested that Mg2+ through its preferential adsorption rather contribute to a lower 

contact angle i.e. a more hydrophilic magnetite surface. The increased wettability of the 

magnetite surfaces is in turn beneficial to the agglomeration of magnetite particles in 

aqueous media. 
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Conclusions 

In the present investigation, carefully characterised synthetic maghemite and magnetite 

particles and their interactions with some of the most important ions in process water 

during flotation of apatite have been studied. The results from this work lead to the 

following conclusions: 

 

Sampling of the potentiometric titrations at alkaline conditions revealed that silica is 

dissolved at μM scale during the experiments. The dissolved silica was found to mainly 

originate from the glass pH electrode. The dissolved silica proved to affect the 

experimental proton exchange data to a small extent. 

Protolytic characteristics of maghemite and magnetite particles and their intrinsic surface 

complexation constants proved to be very similar, within the range of pH studied. 

However, the surface site density for magnetite was 50 % higher than for maghemite. 

Results from the potentiometric titrations showed that magnetite’s dissolution/trans-

formation at alkaline conditions and subsequent release of Fe2+ coincides with the 

formation of Fe(II) aqueous hydroxide complex, Fe(OH)3
-.  
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Adsorption of silicate at iron oxide surfaces was qualitatively and quantitatively studied. 

The added silicate adsorbed readily at both magnetite and maghemite surfaces. Results 

from the in situ ATR-FTIR experiments indicated a higher rate of adsorption on 

magnetite than on maghemite particles. The adsorption maximum was located at pH 8.5 – 

9.5 for both magnetite and maghemite. At more alkaline conditions, pH > 9.5, the silicate 

began to desorb. Increased concentrations of silicate in the suspension resulted in 

increased polymerization of the adsorbed silicate.  

Finely ground olivine immersed in aqueous solution and 0.100 M ionic strength, results 

in an increase of pH and a release of Mg2+ and dissolved silicates. Immersed, ground 

olivine will probably then be the main contributor of Mg2+ to the process water. 

Additions of Mg2+ were tested, to study the dissolution equilibrium for the olivine and the 

subsequent release of Mg2+ upon immersion. Additions of Mg(NO3)2 up to 4.0 mM did 

not stop the release of Mg2+ from the surface layers of the olivine particles. However, the 

addition of Mg(NO3)2 reduced the concentration of dissolved silicates in the suspension, 

through formation of ternary magnesium-silicate surface complexes. 

It was shown that the adsorption of Mg2+ at magnetite and maghemite surfaces could be 

successfully modelled, using proton exchange data acquired from potentiometric 

titrations. The ratio between the added adsorbate and the surface sites proved to be an 

important parameter. At ratios  1.0 Mg2+ site-1, monodentate surface reactions were 

found to produce the best fit to experimental data. However, bidentate surface reactions 

had to be included, to model the behaviour when less adsorbate was added (0.5 Mg2+ 

site-1). The Mg2+ also proved to adsorb more readily onto maghemite than magnetite. 

Signs of the formation of polynuclear surface complexes and incipient surface 



 - 71 - 

precipitation of Mg(OH)2(s) for maghemite at high pH:s and excess of adsorbate were 

found. Addition of a surface reaction describing the formation of a polynuclear surface 

complex improved the model at these conditions. 

Experiments involving competitive adsorption of Mg2+ and Ca2+ showed that Mg2+ 

adsorbed more readily and had stronger affinity than Ca2+ for the iron oxide surfaces. The 

results imply that Mg2+ in the process water may have a protective effect by decreasing 

the adsorption of collector on magnetite surfaces. The importance of the ionic strength on 

collector adsorption was also examined. Increased ionic strength at pH 9 resulted in a 

decreased wettability of the iron oxide particles. Raised ionic strength compresses the 

electrical double layer, thereby reducing the distance between the iron oxide surface and 

collector molecules. This would then facilitate increased collector adsorption. 
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Future Work 

This work has shown that many of the ions in the process water will alter and affect the 

surface characteristics of iron oxide particles. However, there are several important 

aspects of the process water and its implications on iron oxide surfaces which have not 

been studied here. Below are suggestions of experiments or systems that should be 

studied further: 

Potentiometric titration experiments to study silicate adsorption at magnetite surfaces. 

This in order to gather further information concerning silicate adsorption at iron oxide 

surfaces, and thereby be able to model the magnetite-silicate system.  

The interaction and adsorption of Ca2+, SO4
2- species and the carbonate system with iron 

oxide surfaces should be studied by potentiometric titrations, batch experiments and 

ATR-FTIR experiments. Ultimately, this would make it possible to develop a model that 

includes the surface reactions of all the major ions and other relevant species in the 

process water.  

The process water is saturated or at least close to saturation with respect to calcium 

carbonate. Extensive surface precipitation of calcium precipitates may strongly affect the 
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properties of the iron oxide particles. In our experiments, the film was conditioned with a 

solution supersaturated with calcium carbonate. Preparation of an iron oxide film made of 

particles that are pre-conditioned with saturated calcium carbonate solution may reveal 

further information on this.  

Several different experiments involving spectroscopic instrumentation are suggested: 

Spectroscopic studies of the Ca2+ adsorbing at iron oxide surfaces and the influence of 

NO3
-. This would then be performed in order to further investigate if Ca2+ and NO3

- really 

co-adsorb at the iron oxides surfaces.  

The potentiometric titrations of magnetite revealed a rapid increase of the proton 

exchange at alkaline conditions due to dissolution/transformation of the magnetite surface. 

Mössbauer spectroscopy of the resulting composition of the magnetite particles subjected 

to high pH conditions would probably shed more light on what actually happens with the 

iron oxide surface. This reaction may also be studied in an inert atmosphere, which would 

make it possible to analyse any dissolved Fe(II) in the aqueous magnetite suspensions. 

The olivine is the main contributor of Mg2+ to the process water. In this work mainly 

titration and batch experiments have been used. Since it now has been shown that it is 

feasible to prepare films of olivine particles, further in situ ATR-FTIR experiments of 

olivine at other pH should be performed.  

Finally, pelletizing experiments using magnetite concentrates conditioned with adjusted 

process water is proposed: Addition of Mg2+, addition of calcite particles and varying the 

ionic strength. This in order to further elucidate the potential protective effect of Mg2+ 

against collector adsorption on magnetite and the effects of incorporated calcite 

precipitates in the concentrate, this since collector may adsorb at the calcite surfaces. The 
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influence of the ionic strength concerning collector adsorption on magnetite, and its 

impact on the wet pellet strength have so far not been fully elucidated, and should 

therefore be further investigated. 
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a b s t r a c t

Adsorption of soluble silicate species (Si(OH)4) on maghemite (c-Fe2O3) has been studied by high preci-
sion potentiometric titrations, spectroscopic analyses, and zeta potential determinations. Titrations were
performed at 25.0 �C within the range 2.8 < pH < 11.1 and at a constant ionic strength of 0.100 dm�3. The
experimental data were evaluated using the constant capacitance model. For the maghemite–H+ system,
the following values for the surface complexation constants and capacitance were found: BFeOHþHþ $
BFeOHþ

2 ; log bs
11ðintÞ ¼ 5:39� 0:01BFeOH $ BFeO� þHþ; logbs

�11ðintÞ ¼ �7:51� 0:01; C = 2.40 F m�2.
Three different concentration ratios of the determined concentration of active surface sites and added
total silicate concentration [„FeOH]:[Si(OH)4] were examined (1:1, 2:1, and 3:1). A model comprising
three surface complexes, BFeOSiðOHÞ3; log bs

011ðintÞ ¼ 3:61� 0:02; BFeOSiOðOHÞ�2 ; log bs
111ðintÞ ¼

�3:00� 0:01; and BFeOSiO2ðOHÞ2�; log bs
�211ðintÞ ¼ �11:35� 0:02, was found to best describe the exper-

imental observations. Attempts to model the adsorption of silicates on maghemite as bidentate or poly-
nuclear silicate complexes were not successful. The maximum silicate adsorption for the 1:1 ratio,
approximately 80%, was obtained at pH 9–9.5. The IEP of maghemite in the presence of silicates (1:1
ratio) was determined from f-potential measurements, giving pHIEP � 6.6.

� 2009 Elsevier Inc. All rights reserved.

1. Introduction

The interaction between silicate species and various mineral
surfaces in aqueous suspensions plays a significant role in both
natural and industrial processes. The silicates are mainly present
as silicic acid, Si(OH)4(aq), or monosilicate, SiOðOHÞ�3 , monomers
in solutions at low concentrations and below pH 11.5. Silicate
monomers have proven to exhibit a strong affinity to adsorb onto
iron (hydr)oxide surfaces. This type of interaction seems to play
an important role in various systems such as in mineral flotation
processes, and also in natural waters by affecting the adsorption
and mobility of cations [1] as well as species such as arsenite
[2,3], selenium(IV) [4], and chromate [5].

Water glass has long been used in industrial applications as a
source of soluble sodium silicates. Research on the use of soluble
sodium silicates started as early as 1818 by Johann Nepomuk
von Fuchs [6]. Industrial uses include applications as cleaners
and detergents, adhesives, cements, deflocculants, and also as flo-
tation additives [6,7]. Water glass has been and still is an important
additive in the mineral flotation processes. Sodium silicates have
been shown to improve the selectivity of salt-type minerals such
as calcite, apatite, and fluorite from oxides and siliceous minerals

in froth flotation as well as to increase the recovery of these salt-
type minerals [8,9]. The added soluble silicates can act as a disper-
sant of the particles in the flotation pulp and/or as a depressant of
minerals that should not be floated [9]. If the silicate acts as disper-
sant, depressant, or both depends on various flotation conditions
and not only on the nature of the mineral surface.

Parameters such as the dosage of silicates and the flotation pH
influence the amount of polymerization of silicate species in the
flotation cell. Increased concentrations of silicates in the flotation
cell will raise the fraction of polymerized silicate species. Earlier
work by Qi et al. [10] suggests that polymerized silicates may
interact with the mineral surfaces in a different way compared to
the monomeric silicic acid or the various monosilicate ions. Poly-
merized silicates may also cover inactive areas of the mineral sur-
face due to their polymer chain characteristics.

Studies of silicate adsorption at iron (hydr)oxide surfaces,
combined with evaluation and formulation of a surface complex-
ation model (SCM), were first reported by Sigg and Stumm [11],
who presented the adsorption of silicate monomers on goethite
(a-FeOOH). Other studies of adsorption of silicate monomers on
iron (hydr)oxides have been reported: ferrihydrite and goethite
[12] and goethite, hematite, and magnetite [13]. Additional sur-
face complexation reactions have been introduced by Swedlund
and Webster studying polymerization of silicic acid on ferrihy-
drite [2] and Davis et al. [14], with respect to silica sorption on
iron hydroxide.
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The CD-MUSIC model developed by [15–17] has been applied to
describe the interaction between goethite and silicic acid [18]. EX-
AFS studies performed by Pokrovski et al. [19] indicated that Si is
present at the same distance in the Fe coordination sphere as the
bidentate surface complexes of phosphate [20], arsenate [21,22],
and selenite ions [23]. Based on this informationHiemstra et al. pro-
posed amodel consisting of bidentate surface complexes of silicates
on goethite [18]. Introduction of bidentate complexes proved to be
unsatisfactory when systems with relatively high initial concentra-
tions of silicic acid (1 mM)weremodeled. Thiswas because the goe-
thite surfaces did not contain enough active surface sites to allow all
the adsorbed silicates to exist as bidentate complexes. The limited
number of active surface sites made them suggest that adsorption
of Si oligomers formed by polymerizing silicic acid.

Most previous adsorption studies of anion adsorption on iron
oxides have been performed using batch adsorption experiments
and models based on pH, silicon analyses, and spectroscopic mea-
surements. In this work, the adsorption of aqueous silicates on
maghemite has been investigated using a continuous titration
technique in order to characterize the adsorption and identify
the mechanism and the influence of pH. When studying the
adsorption reactions on oxide mineral surfaces, surface complexa-
tion models are commonly used for the interpretation of experi-
mental data. The surface complexation models imply that the
active surface sites at the mineral surface can be considered as act-
ing in a similar way as complexing agents in solution. When an
oxide mineral is immersed in an aqueous solution, the surface will
be hydrated through dissociative sorption of water molecules. The
hydrated oxide surface will then develop amphoteric hydroxyl sur-
face sites [24]. These active surface sites, here denoted „FeOH, are
able to accept and release protons, H+, from solution.

In addition to the previously noted CD-MUSIC, a number of dif-
ferent surface complexation models have been established during
the past 40 years. Examples of models are the constant capacitance
model (CCM) [25], the diffuse double layer model (DDLM)
[24,26,27], and the triple layer model [28–30]. The various models
differ principally on how they describe the electrochemical double
layer and the surface sites.

CCM has been applied to model the experimental data in this
work and describe the reactions on the maghemite/solution inter-
face. This model is adapted for modeling surface complexation
reactions at moderate to high ionic strength conditions, which
are typical in industrial applications, i.e., flotation pulps.

2. Materials and methods

2.1. Maghemite

Synthetic maghemite was used in all experiments. The maghe-
mite was synthesized following the same procedure as used by
Jarlbring et al. [31]. After washing of the precipitate, the iron oxide
suspension was poured into a crystallization beaker and dried at
60 �C for 48 h. Then the dried precipitate was gently ground by
hand in an agate mortar, followed by air oxidation at 240 �C for
20 h. After cooling, the maghemite formed was stored in a desicca-
tor using silica gel as a drying agent. The maghemite product was
characterized and confirmed using XRD (Siemens D5000 X-ray
diffractometer).

The specific surface area of the final product was then deter-
mined using the BET N2 adsorption method [32], to 87.3 ±
0.1 m2 g�1.

2.2. Solutions

All solutions used in the experiments were prepared from de-
gassed MilliQ water and p.a. quality chemicals. NaOH solutions

were prepared from Fixanal (Riedel-de Haën) stock solutions. The
NaOH solutions were prepared and stored in plastic vessels (HDPE)
in order to avoid silica contamination. Nitric acid solutions,
0.0100 mol dm�3, were prepared either from Titrisol (Merck p.a.)
or from a stock solution (Merck, p.a.) that had been standardized
using TRIS (hydroxymethyl aminomethane). The total ionic
strength of the acid and base solutions used for the titrations
was adjusted to 0.100 mol dm�3 by addition of NaNO3 (Merck,
p.a.).

A stock solution of soluble silicate species was prepared in a way
that minimizes silica polymerization, by a method proposed by
Davis et al. [33]. Sodium metasilicate nonahydrate, Na2SiO3�9H2O
(Sigma–Aldrich), was dissolved in degassed MilliQ water to a final
SiO2 concentration of 8000 mg dm�3. The concentration of the stock
solutionwas then determined by the bluemolybdatemethod, Spec-
troquant (Merck).

2.3. Potentiometric titrations

The continuous titrations were performed using specific com-
puter programs controlling the equipment and recording the re-
sults. The room temperature was regulated by a thermostat to
25 ± 1 �C and the titration vessel was immersed in a tempera-
ture-controlled oil bath at 25 ± 0.2 �C.

The titrations were performed on maghemite suspensions with
a solid concentration of 12.5 g dm�3, i.e., 0.500 g maghemite in
40.00 cm3 0.100 mol dm�3 NaNO3 medium. The mineral suspen-
sion was stirred by a Teflon propeller to keep the suspension
homogeneous during the titration. A continuous flow of argon
(AGA Argon ICP 5.0 quality) to the titration vessel ensured an inert
atmosphere during the experiments. Before entering the titration
vessel, to secure an atmosphere free of carbon dioxide and with
a saturated humidity, the argon gas was bubbled through a series
of washing solutions: 10% NaOH, 10% H2SO4, pure MilliQ water,
and finally 0.100 mol dm�3 NaNO3.

The pH electrodes used were Radiometer pHG211 glass elec-
trodes. The Radiometer pHG211 is designed to be used in alkaline
environments, minimizing any deviations from the theoretical pH
response. The reference electrode used was a double-junction Ag/
AgCl electrode (Orion 900200) with 0.100 mol dm�3 NaNO3 as out-
er filling solution.

The pH electrodes were calibrated using a concentration scale
according to the multiple-point calibration technique recom-
mended by Baucke et al. [34,35]. At least five different calibration
points were chosen, and solutions at well-defined [H+] were pre-
pared at a total ionic strength of 0.100 mol dm�3, using NaNO3 as
ionic medium. The linear response from the glass electrode can be
described by the Nernstian equation related expression, E = E� +
g � lg[H+] + Ej. E� and g were determined in the calibration and Ej
describes the liquid junction potential. For 0.100 M ionic strength
Ej = �511.5 � [H+] + 238.7 � Kw � [H+]�1 mV, with Kw = 10�13.775

[36]. Ej was found to be negligible within the pH range studied.
The maximum allowed drift of the potential between the addi-

tions of titrant was set to 0.60 mV h�1, corresponding to approxi-
mately 0.01 pH unit h�1. A Metrohm 645 multidosimat was used
for the additions of the titrant.

Titrations of the maghemite–H+ system were performed by the
additions of 0.0100 mol dm�3 HNO3 to pH � 2.8. The solutions
were then backtitrated using 0.0100 mol dm�3 NaOH to pH � 11.1.

In the titrations including silicate, the silicate solution was
added to the maghemite suspension after the acidic titration down
to pH � 2.8. The alkalinity of the silicate solution was then com-
pensated by an extra addition of 0.100 mol dm�3 HNO3. Then the
suspension was backtitrated using NaOH as described above.

Samples were taken from maghemite suspensions containing
additions of silicate in order to determine the concentration of sil-
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icates in solution and were filtered using 0.2-lm PTFE syringe fil-
ters. The aqueous silicate concentrations were analyzed in the
same way as described above.

2.4. Zeta potential measurement

The samples were analyzed using a Zeta Compact (Cad Instru-
mentation, France) equipped with video and image analysis system
(software, Zeta4) at ionic strength 0.100 mol dm�3 (NaNO3). The
measurements were conducted on maghemite samples that were
equilibrated with the ratio of 1:1 between the concentration of ac-
tive surface sites and total silicates, [„FeOH]:[Si(OH)4], i.e.
1.25 mM. The solid concentration was the same as for the potenti-
ometric titrations, 12.5 g dm�3. The equilibrated samples were
then extensively diluted with background electrolyte of the same
pH in order to obtain sufficiently low concentrations of particles
in the sample before analysis.

2.5. Evaluation of titration data

The total proton and hydroxide adsorption capacity of the
maghemite suspension was determined by the Gran plot technique
[37]. Gran plot functions can be used to determine the adsorption
volume (Veq) of added acid or base, i.e., the total amount of protons
adsorbed at the oxide surface. Two different Gran functions were
used in the determination of the Veq and depending on the pH in
the suspension either Eq. (1) or Eq. (2) was employed.

Facidic ¼ ðV0 þ VtÞ � 10E=g ; pH < 7:0 ð1Þ
Falkaline ¼ ðV0 þ VtÞ � 10�E=g ; pH > 7:0 ð2Þ

V0 denotes the start volume (40.00 cm3) of the maghemite suspen-
sion and Vt is the added volume of titrant from the burette at a fixed
experimental point. Graphs of the Gran function as function of Vt

were plotted, forming two straight lines intersecting the Vt axis at
Veq1 and Veq2 (Fig. 1). The difference (Veq2 � Veq1) is the volume of
added OH� needed to achieve a complete proton exchange of a pro-
tonated maghemite surface. When pH in a maghemite suspension is
raised, the active surface sites on a maghemite surface will be
deprotonated according to the schematic outline:

BFeOHþ
2 �!�Hþ

BFeOH�!�Hþ
BFeO� ð3Þ

The total concentration of the active surface sites, S0, in the
maghemite suspension was calculated according to

S0 ¼ ðVeq2 � Veq1Þ � Ctitrant

2� V0
ð4Þ

where Ctitrant is the concentration of the titrant used, sodium
hydroxide, 0.0100 mol dm�3. This equation defines S0 as the mean
value of the proton and hydroxide adsorption capacity.

The following surface complexation reactions were used to
model the protonation and deprotonation reactions of the maghe-
mite surface

BFeOHþ
2 $ BFeOHþHþ; bs

11 ¼ ½BFeOH�½Hþ�
½BFeOHþ

2 �
ð5Þ

BFeOH $ BFeO� þHþ bs
�11 ¼ ½BFeO��½Hþ�

½BFeOH� ð6Þ

The calculated bs
11 and bs

�11 values were corrected for the colum-
bic energy of the surface charge to obtain the intrinsic constants,

bs
p;1ðintÞ ¼ bs

p;1e
pFw=RT ð7Þ

where p has the value +1 (protonation) or –1 (deprotonation) and w
is the surface potential.

FITEQL 4.0 and the constant capacitance model were applied to
optimize the model to the experimental data and to calculate the
equilibrium constants for the surface complexation reactions.

3. Results and discussion

3.1. The maghemite–H+ system

The model describing the acid–base properties of maghemite in
the pH range 2.8–8.5 by Jarlbring et al. [31] has been extended to
pH 11.1.

The results from the present study are compared with the val-
ues from Jarlbring et al. in Table 1.

Titration and model data are presented in Fig. 2, where H is the
proton concentration balance in the suspension:

H ¼
VHþ

added
� ½Hþ�burette � VOH�

added
� ½OH��burette

V0 þ VHþ
added

þ VOH�
added

ð8Þ

H describes the concentration of added H+ and OH– to the suspen-
sion. A negative value states that more OH� than H+ has been added
to the solution.

The shape of the titration curve within the pH range 3–9 (Fig. 2)
proved to have a similar appearance as the previously published
result by Jarlbring et al. [31].

In order to optimize the model in the extended pH range, it was
necessary to slightly adjust the surface complexation constants as
well as the specific capacitance. A capacitance of 2.4 F m�2 was
found to result in a somewhat improved fit of the model to the
experimental data than the previously suggested value 1.0 F m�2.

Some small deviation between the model and the experimental
data could be noted in the pH area 9.2–10.8. This deviation is most
probably due to a silicate leakage from the glass electrode. The fact
that glass dissolves in alkaline solutions is well known and there-
fore some small amounts of soluble silicate species will possibly be
leached from the glass electrode also under moderate alkaline con-
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Fig. 1. Gran plot showing the titration of 0.500 g maghemite in 40.00 cm3

0.100 mol dm�3 NaNO3 suspension, and starting at acidic conditions, pH 2.8. Circles
(s) reflect the values of the function Facidic (Eq. (1)) and squares (h) the values from
the function Falkaline (Eq. (2)).

Table 1
Model results of the maghemite–H+ system.

This study Jarlbring et al.

Logbs11ðintÞ 5.39 ± 0.01 5.53 ± 0.10
Logbs�11ðintÞ �7.51 ± 0.01 �7.66 ± 0.08
Ns (sites nm�2) 0.99 ± 0.05 0.81 ± 0.05
Optimized capacitance (F m�2) 2.40 1.0
pHstart 6.30 ± 0.05 6.5
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ditions. Experiments where the glass electrode was immersed in an
alkaline solution free of silicates confirmed that traces of silicates
were dissolved from the electrode over time (Table 2).

In the presence of maghemite, the concentration of silicates in
the solution at pH � 11 was found to be below the detection limit,
4 � 10�6 mol dm�3, for the analytical procedure used. When titra-
tions of maghemite were performed in opposite direction, starting
at alkaline conditions and ending at acidic pH �3, the concentra-
tion of soluble silicates in the solution was found to be approxi-
mately 60 � 10�6 mol dm�3.

The obvious conclusion would then be that the dissolved sili-
cate species from the electrode are readily adsorbed at the maghe-
mite surface at high pH; this is further supported by the results
obtained from characterizations of the maghemite/silicate suspen-
sions discussed in the following section. The samples collected
from the maghemite titrations combined with the dissolution
measurements without maghemite then indicate that up to 65–
70 � 10�6 mol dm�3 of silicates is leached from the glass electrode
during the experiment (Table 2).

To compensate for the influence of the silicate leakage, a silicate
concentrationwas introduced in the calculations of themaghemite–
H+ model above pH 9, reaching a maximum of 65 � 10�6 mol dm�3

at pH � 10.5. The introduction of a silicate correction factor did not
alter the values of the derived surface equilibrium constants but
slightly improved the fit by lowering the overall variance, V(Y), from
24.8 to 16.4. The experimental data and the corrected model curve
are presented in Fig. 2. The effects of the silicate leakage are dis-
cussed in more detail below.

3.2. The maghemite–H+–silicate system

Under the experimental conditions used, the silicate concentra-
tion in the maghemite suspension did not exceed 1.3 �
10�3 mol dm�3, which is below the solubility limit of amorphous
SiO2, 1.9 � 10�3 mol dm�3 Si(OH)4 (log Ks = �2.71) [38]. The solubil-
ity of the crystalline phase, quartz, is even lower (�10�4 mol dm�3).
However, quartz does not precipitate at normal temperatures, since
the reaction kinetics is very slow. Hence it follows that amorphous
silica determines the solubility limit of silica species in natural
waters.

The hydrolysis and polymerization of Si(OH)4 are complex,
especially at high pH. The distribution of the various silicate spe-
cies in the pH range 2–14 and a total silicate concentration of

1.30 � 10�3 mol dm�3 were determined using data from Felmy
et al. [39] valid at zero ionic strength and the modeling program
WinSGW [40].

The results from the calculations indicated that only three
aqueous silicate species reach significant concentrations in the
pH range and total silicate concentration used in the experiments
(<1.3 � 10�3 mol dm�3). Depending on pH, 99–100% of the added
silicates will be present as one of following three monomeric spe-
cies, Si(OH)4, SiOðOHÞ�3 , and SiO2ðOHÞ2�2 .

The experimental results show that the adsorption of silicates
takes place over a wide pH range and the adsorption curve exhibits
a similar shape as previously published adsorption curves of iron
oxide suspensions, such as of goethite, hematite [13], and ferrihy-
drite [2] (Fig. 3). Adsorption takes place already at the lowest pH
studied and the amount of adsorbed silicate increases until it
reaches a maximum at pH 9.0–9.5. At the highest, more than 82%
of the added silicates have been adsorbed. At higher pH, the silicate
species will start to desorb from the maghemite surface. The
adsorption maxima of silicates onto maghemite, goethite, magne-
tite, and hematite surfaces are all located in approximately the
same pH range, pH 8 to 10 [13]. The adsorption of silicate on mag-
netite seems to be lesser when compared with maghemite, but
since different ratios of [„FeOH]:[Si(OH)4] have been used in the
maghemite (1:1) and magnetite (1:3.3) experiments is it difficult
to make any decisive conclusions.

Three different ratios, 1:1, 2:1, and 3:1 between S0 and the total
concentrations of added silicate, [„FeOH]:[Si(OH)4], were studied
and included in the model calculations.

The formation constants of the silicate hydrolysis reactions in
solution included in the model calculations were determined and
valid at 0.1 mol dm�3 ionic strength [36].

SiðOHÞ4 �Hþ $ SiOðOHÞ�3 � logK ¼ 9:59 ð9Þ
SiðOHÞ4 � 2Hþ $ SiO2ðOHÞ2�2 � logK ¼ 22:55 ð10Þ

Two different models for monodentate silicate adsorption on
iron oxides were evaluated. The first model includes two surface
complexation reactions (11) and (12) in addition to the acid–base
characteristics of the iron oxide suspension, in accordance with
suggestions by Sigg and Stumm [11]. The same model has been
applied by other authors when studying silicate adsorption on iron
oxides [12,13]. An additional reaction, a deprotonation of the ad-
sorbed silicate (13), was suggested by Swedlund and Webster [2]:

BFeOHþ SiðOHÞ4 $ BFeOSiðOHÞ3 þH2O ð11Þ
BFeOHþ SiðOHÞ4 $ BFeOSiðOHÞ�2 þH2O ð12Þ
BFeOHþ SiðOHÞ4 $ BFeOSi2ðOHÞ2� þH2Oþ 2Hþ ð13Þ
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Fig. 2. Titration curve of maghemite suspension showing H as a function of pH. The
circles (s) denote experimental data, and the solid line represents the calculated
model according to Table 1.

Table 2
Analyzed concentrations of silicate, leached from the electrode in the absence of
maghemite at pH 10.95.

Time (h) 24 48 72 96
Si(OH)4 � 106 mol dm�3 44 56 63 67
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Fig. 3. The adsorption of silicates on maghemite, for the ratio
[„FeOH]:[Si(OH)4] = 1:1 (1.25 � 10�3 mol dm�3) as a function of pH. The circles
(s) denote experimental data, solid line ( ) represents the proposed model,
dashed line ( ) the model based on only proton data and the dotted line ( ) a
model based on surface reactions (11) and (12).
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Both sets of surface complexes were tested in model calcula-
tions based on the experimental proton data. A model including
all three surface reactions (11)–(13) resulted in a better fit, to both
the proton exchange data used in the calculations and the silicate
adsorption data. The third equilibrium constant, logbs

�211ðintÞ,
however, was slightly adjusted (�0.5 logarithmic units) to improve
the fit to silicate data. This correction was necessary since the
desorption of silicates at high pH essentially is a proton neutral
reaction:

BFeOSiO2ðOHÞ2� þH2O $ BFeO� þ SiOðOHÞ�3 ð14Þ
The calculated values for the surface complexation constants

are presented in Table 3.
Experimental data for the adsorption of silicates in a maghemite

suspension and the fit to the tested models are shown in Fig. 3. The
starting concentration of Si(OH)4 and active surface sites, „FeOH,
was 1.25 � 10�3 mol dm�3 ([„FeOH]:[Si(OH)4] = 1:1). As seen in
Fig. 3, the addition of a third complex (13) significantly improves
the model. Fig. 3 also shows the small divergence between the
model based on proton data, solely (dashed line), and the model
corrected using silicate adsorption data (solid line).

Experimental proton and hydroxide ion exchange data for the
maghemite–H+–silicate system are presented in Fig. 4, as well as
curves representing the proposed and alternative model. The pro-
posed model comprising three surface complexes shows a slightly
better fit to data at pH 8.8–10.8.

The small divergence between experimental data and model in
the pH range 8.8–10.8 in Fig. 4 coincides with the similar discrep-
ancy for the data in the absence of added silicates (Fig. 2). As dis-
cussed above, the small silicate leakage from the pH electrode is
proposed to cause this discrepancy. Silicate species leached from
the electrode are adsorbed on the maghemite surface and the fol-
lowing deprotonation of the adsorbed silicates may result in a
divergence between the model and the experimental data. This is
because the maghemite surface sites with adsorbed silicates may
be able to release additional protons according to reaction (13) in
comparison with surface sites without adsorbed silicate. The re-
sults showing that the discrepancy is most pronounced in the pH

range 9.2–10.8 may then be explained by additional deprotonation
reactions of the adsorbed silicate taking place in this pH range
(Fig. 6). Consequently, the release of protons is larger than pre-
dicted by the model and this divergence is probably originating
from the silicate species released from the glass electrode.

Fig. 4 also shows the results from zeta potential determinations
of maghemite particles suspensions prepared at the ratio, 1:1
[„FeOH]:[Si(OH)4]. The isoelectric point (pHiep) of the particles
was determined as approximately 6.6.

The influence of the released silicates from the electrode on the
fit of the model is also due to the amount of added silicates in the
experiment. Fig. 5 illustrates both experimental and modeled data
of H plotted vs. pH for three different ratios, 1:1, 2:1, and 3:1.

When comparing the size of the discrepancy in the range
8.8 < pH < 10.8, there is a trend that the deviation between exper-
imental and modeled data decreases with increasing amounts of
added silicates in the adsorption experiments. Experimental data
points at different ratios and at the same pH in the discussed pH
range exhibit small differences in H. However, there is still a clear
detectable trend that the ratio 1:1 (s) has the most negative value
of H followed by 2:1 (�) and then 3:1 (D). When comparing the
modeling results of H at the same pH for different ratios, the differ-
ences are more pronounced.

There is no compensation in the model for the leached silicate
from the electrode and therefore the difference will be apparent
as a function of H at different ratios.

The model also implies that the silicates are adsorbed as mono-
dentate species. Calculations using models including adsorbed
bidentate species resulted in a poor fit between modeled and
experimental Si(OH)4 adsorption data. Models including both
mono- and bidentate surface complexes have also been tested

Table 3
The resulting surface complexation constants of silicate adsorption on maghemite in
aqueous suspensions.

„FeOSi(OH)3 logbs011ðintÞ ¼ 3:61� 0:01
BFeOSiOðOHÞ�2 logbs�111ðintÞ ¼ �3:00� 0:01
„FeOSiO2(OH)2� logbs�211ðintÞ ¼ �11:35� 0:02
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and evaluated. These models improved the fit, but were still infe-
rior in comparison with the suggested model. A possible explana-
tion to the absence of bidentate surface complexes is the low
density of active surface sites on maghemite, Ns � 1.0 sites per
nm2. The distance between the active sites may then be too large
for bidentate surface species to form. In order to investigate poten-
tial polymerization of adsorbed Si(OH)4 monomers, different mod-
els containing polymerization reactions between adsorbed Si(OH)4
monomers and monomers in solution have also been tested and
evaluated with the FITEQL programme. No support for this other
extreme in the model calculations was found at the experimental
conditions used ([„FeOH]:[Si(OH)4] 	 1).

Spectroscopic analyses, in the form of in situ ATR-FTIR experi-
ments have been performed on magnetite and maghemite by Yang
et al. [41,42]. Theses results indicated that silicate polymerization
reactions would take place at the surface of the iron oxides. How-
ever, considerably less surface area of iron oxides and much higher
silicate concentrations were used in these experiments. The differ-
ence in experimental conditions between the in situ ATR-FTIR
experiments and the present study may then be a plausible expla-
nation for the diverging results. This is because surface polymeri-
zation reactions of adsorbed silicates at the iron oxide surface are
much more likely to take place when the aqueous concentrations
of silicates are high and in excess of the number of available active
surface sites.

Using the proposed model, a distribution diagram was calcu-
lated (Fig. 6).

As illustrated in Fig. 6, the adsorbed silicates starts to deproto-
nate already at pH < 5, implying BFeOSiOðOHÞ�2 to become the
dominating surface species in the pH range 7.0–10.3. At even high-
er pH, the surface species will either deprotonate further to form
„FeOSiO2(OH)2� or silicate will desorb resulting in a „FeO� sur-
face site. The surface charge of the maghemite particles with ad-
sorbed silicates will then have a negative charge already at
rather low pH, as was confirmed by the zeta potential measure-
ments (Fig. 4).

4. Conclusions

The results shows that silicates will adsorb on maghemite with-
in the whole pH range (2.8 < pH < 11.1) studied. At the lowest pH
(2.8), nearly 15% of the added silicate is adsorbed and a maximum
of 82% is adsorbed at pH 8.9–9.5 at the ratio 1:1, [„FeOH]:
[Si(OH)4]. At pH > 9.5, the silicates on the maghemite surface start
to desorb, and at the highest pH studied, pH 11.1, only 57% of the
silicates remains adsorbed.

It has been shown that a SCM comprising three different surface
complexation reactions gives a good fit to experimental proton ex-
change data, and also well predicts the silicate adsorption as a
function of pH. The results from the model calculations demon-
strate that the silicates are adsorbed as monodentate surface com-
plexes on the maghemite surface. Models using bidentate surface
complexes or surface polymerization of silicates were evaluated
but none of these models were successful in describing the silicate
adsorption.

The adsorption and deprotonation of silicates on the maghemite
surface result in a negative surface charge at pH 	 7, which is in
accordance with that separation of apatite from iron oxides in flo-
tation usually takes place at a pH higher than 7. The results then
gives additional information concerning the dispersant and sup-
pressant function of adsorbed silicates, and the nature of the acting

negatively charged iron oxide–silicate surface complexes. For this
system, maximum adsorption of silicates and the optimum flota-
tion conditions are at pH � 9. According to the model calculations,
the dominant silicate surface complex at this pH is BFeOSiOðOHÞ�2 .

It has been established that a small leakage of soluble silicates
from the pH electrodes at alkaline conditions occurs during the
experiments. The contribution from the leakage to the silicate con-
centration is small compared to the amount of added silicates, but
not negligible at low total silicate concentrations.
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a b s t r a c t

Attenuated total reflection Fourier transform infrared (ATR-FTIR) spectroscopy was used to monitor the in
situ sorption of sodium metasilicate from aqueous solution onto synthesized magnetite and maghemite
particles in the pH range of 10.8–7.0 using silicate concentrations between 0.1 mM and 5 mM. The spec-
tral data showed that both pH and silicate concentration had great influence on the interfacial reaction
between soluble silicate and the iron oxide surfaces, regarding the amount adsorbed per unit mass of iron
oxide and the surface species formed. A pH dependent sorption of silicate on iron oxides was observed,
implying that a maximum sorption took place in the pH range of 9.5–7.0. All experiments showed a fast
initial increase in the absorption intensity followed by a slower sorption stage which was strongly depen-
dent on the concentration of silicate in solution and the pH value. The amount of sorption onto magnetite
was 3–5 times larger than onto maghemite, but there was no significant difference in the line shape of
corresponding absorption bands. At pH 8.5 and low concentration (≤0.1 mM), the silicate monomers dom-
inate in solution and on the iron oxide surface also monomeric species were dominating as evident from
the infrared band at 950 cm−1. However, at higher concentration (0.4–5.0 mM), the dominating absorp-
tion band at about 1000 cm−1 shifted to higher frequency during the sorption indicating that oligomeric
surface silicate species were formed on the iron oxide surface. Desorption of silicate from the surface of
the iron oxides was easier to accomplish at low silicate concentration, whilst the highest concentration
showed a comparatively low relative amount of desorbed silicate, suggesting that polymerized species
had a stronger affinity for the iron oxide surface as compared to monomeric species.

© 2009 Elsevier B.V. All rights reserved.

1. Introduction

Interfacial reactions between soluble silicates and iron oxide
surfaces are of great importance in the natural environment con-
sidering the content of dissolved silicate in natural waters from
mineral weathering [1–3] as well as in industrial applications, e.g.,
flotation of salt-type minerals from metal oxides and other salt-
type minerals where sodium silicate is usually used as dispersion or
depressant agent [4]. Concretely, in the dephosphorizing flotation
of magnetite particles, sodium silicate with modulus 3.25 (weight
ratio of SiO2 to NaO2) is used mainly to disperse the agglomer-
ated particles [5], whereas in the flotation of apatite from hematite
sodium silicate may be utilized as a selective depressing agent to
reduce the flotation of the gangue mineral (hematite) [6]. It is well
known that the concentration, modulus, and pH of sodium silicate

∗ Corresponding author at: Division of Chemistry, Department of Chemical Engi-
neering and Geosciences, Luleå University of Technology, SE-97187 Luleå, Sweden.
Tel.: +46 0 920492284; fax: +46 0 920491199.

E-mail address: xiaofang.yang@ltu.se (X. Yang).

solutions are the main factors determining selective silicate sorp-
tion on mineral surfaces and that the properties of the modifying
agent is strongly influenced by the distribution of silicate species in
solution viz. monomers, oligomers, higher polymers, and colloidal
silica [6–9].

During the past decades, the study of interaction between sili-
cate and iron oxides as well as other minerals was mainly carried
out by batch adsorption experiments, modeling methods, and ex
situ spectroscopy techniques [1,3,7,10–12]. However, there are very
few if any in situ studies on the sorption of silicate species onto
magnetite showing the formation of surface complexes with time.
Another topic is the often appearing question whether the surface of
the magnetite particles, which during experimental handling may
be exposed to air, represents magnetite or to some extent are oxi-
dized to maghemite although the structure of the two iron oxides
is similar both representing a spinel structure with tetrahedral and
octahedral sites [13]. In maghemite, all or most of the octahedral Fe
(II) in magnetite are oxidized to trivalent implying a Fe (II)-deficient
structure with a slightly smaller unit cell volume as compared with
magnetite. From a surface chemical point of view, the important
question is whether the sorption behaviour of sodium silicate onto

0927-7757/$ – see front matter © 2009 Elsevier B.V. All rights reserved.
doi:10.1016/j.colsurfa.2009.01.041
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the two mentioned iron oxides is the same or if the oxidization
state of the iron atoms has a significant influence on the affinity of
the surfaces for silicates. Moreover, a molecular level investigation
of silicate species sorbed on iron oxide surfaces and especially the
time dependence of the sorption is critical in industrial processes
with limited conditioning times but also important in geochemical
systems.

Accordingly, in the present study attenuated total reflection
Fourier transform infrared (ATR-FTIR) spectroscopy was utilized to
monitor the sorption of sodium silicate onto a thin layer of synthetic
magnetite (Fe3O4) nanoparticles as compared with the sorption
onto a corresponding layer of synthetic maghemite (�-Fe2O3). The
study encompassed different pH and silicate concentration. Of spe-
cial interest here was the possible change of sorbed species at the
iron oxide surfaces with time and the possible difference in the
amount sorbed under similar experimental conditions. In addition,
desorption of the already adsorbed silicate species was studied,
possibly revealing the type of surface complexes formed and the
affinity of different silicate species for the surfaces.

2. Experimental

2.1. Chemicals and materials

Sodium metasilicate (Na2SiO3·9H2O) from Sigma was dissolved
in Milli-Q water and prepared as a stock solution (0.5 M, pH > 11.5).
Magnetite used in this study was synthesized based on a coprecip-
itation of Fe (II) and Fe (III) chlorides method described by Jolivet et
al. and Jarlbring et al. [14,15]. Briefly, Fe (II)/Fe (III) chloride salt mix-
ture (1:2 molar ratio) was hydrolyzed using NH4OH, purified with
deoxygenated Milli-Q water, and stored under argon atmosphere.
Maghemite was prepared by heating magnetite in an oven at 240 ◦C
overnight. The BET surface area of magnetite was 97.7 m2 g−1 and
that of maghemite was 87.3 m2 g−1.

All other reagents were of analytical grade and all solutions were
prepared from Milli-Q water as solvent. NaOH and HCl solutions
were used for pH adjustments.

2.2. FTIR measurements

Spectral data were acquired with a Bruker IFS 66v/S FTIR spec-
trometer equipped with a deuterated triglycine sulphate (DTGS)
detector and a vertical ATR accessory. The vertical ATR accessory
consisted of a trapezoidal-shaped ZnSe internal reflection element
(45◦, 50 mm × 20 mm × 2 mm, totally 25-reflections) and a single-
chamber (∼3.5 mL) flow-through stainless steel cell. Spectra of
silicate sorbed on iron oxide were recorded by averaging 100–200
scans at a resolution of 4 cm−1. All spectral data evaluations were
performed with the OPUS program from Bruker Optics.

2.3. Preparation of iron oxide films on the ATR crystal

A visually evenly distributed magnetite or maghemite film was
deposited on one side of the ATR crystal by spreading a certain
amount of the iron oxide dispersion on the crystal surface and sub-
sequently evaporate the dispersion medium in a desiccator under
vacuum. After rinsing the deposited film gently with Milli-Q water
and let it dry in the desiccator again, the mass of deposited film
was weighted. Since the dispersion was allowed to stand for a while
after stirring to let the larger particles settle down, the concentra-
tion of the dispersion dispensed using a pipette varied to a certain
extent. Thus the mass of the film was not exactly controlled but only
weighted and amounted to generally less than 1 mg. Accordingly,
the bulk silicate concentration can be assumed to be effectively
constant during the experiments.

2.4. ATR-FTIR spectra of sorbed silicate

In situ ATR infrared measurements were performed using the
flow-cell technique described by Peak and others [16,17]. The small
amount of iron oxide used (<1 mg) assures that the depth of pene-
tration is much larger than the thickness of the evenly distributed
oxide layer. The pH of the silicate solution was monitored by
a combined pH electrode and adjusted when needed. The solu-
tion (100 mL) was pumped from a beaker into the flow-cell by
a peristaltic pump at a flow-rate of ∼4.7 mL min−1. Single beam
background spectra of the solvent (Milli-Q water) were recorded
at each pH. Sodium silicate was added into the vessel at a desired
concentration and pH adjusted with NaOH/HCl. Spectra of sorbed
silicate were recorded as a function of time. Desorption experi-
ments were carried out by flushing flow-cell with Milli-Q water at
desired pH. All experiments were performed under ambient tem-
perature (22 ± 1 ◦C).

3. Results and discussion

3.1. pH dependent silicate sorption/desorption kinetics onto
magnetite

According to Fig. 1a and b, infrared spectra recorded upon sorp-
tion from a 1 mM silicate solution at pH 10.8 is quite different from
corresponding spectra at pH 8.5. At pH 10.8 the strongest absorption
had its peak position at 952 cm−1 with a shoulder at ∼1020 cm−1.
This shoulder is hardly detected at the beginning of the sorption
reaction but grows in intensity with the time of reaction. At this pH
value, the dominant species in solution is SiO(OH)3

− (Fig. 2, Table 1)
[18] and the magnetite surface should be negatively charged since
its point of zero charge is ∼6.0 [19]. These spectral changes indicate
different inner-sphere surface complexes appear at the magnetite
surface during sorption. Comparing the sorption and the desorp-
tion it also seems that the absorbance at ∼1020 cm−1 upon sorption
increases faster relative to the 952 cm−1 band than the absorbance
at ∼1020 cm−1 decreases relative to the 952 cm−1 band during
desorption. These in situ ATR-FTIR results were compared with
EXAFS results of Pokrovski et al. [20] on iron(III)–silica coprecipi-
tate, strongly indicating that the 952 cm−1 band should be assigned
to the bidentate monomeric surface species, ( FeO)2–Si(OH)OH
or ( FeO)2–Si(OH)O−, whilst the shoulder at ∼1020 cm−1 should
be assigned to oligomeric surface silicate species which desorbed
slower than monomeric species.

At pH 8.5, it is interesting to notice that the oligomeric species
is dominating already at the beginning of the sorption reaction
although the peak frequency of the absorption band appears at
lower wavenumber (1000 cm−1). This might indicate a difference
in the degree of oligomerization with fewer monomer units in
the oligomer at the beginning of the sorption reaction. Since
these oligomers do not dominate in aqueous solution at this low
concentration (1 mM, Fig. 2), it further indicates that the polymer-
ization occurs at the magnetite surface. This latter suggestion is
in accordance with results from the literature [2,7], showing that
polymerization of silicic acid on an iron oxide surface is promoted
at lower pH. At longer sorption times, it is also evident from the
experiments at pH 8.5 that an infrared absorption at wavenum-
bers > 1100 cm−1 evolves. This absorption band is consistent with a
three-dimensional polymeric structure such as colloidal silica [21]
and would imply that the polymerization of silica occur at the mag-
netite surface also at this low concentration of silica in solution
(1 mM).

The pH dependence of silicate sorption from 1 mM sodium
silicate solution onto magnetite was determined by collecting ATR-
FTIR spectra of sorbed silicate with time at the pH values; 10.8, 9.5,



26 X. Yang et al. / Colloids and Surfaces A: Physicochem. Eng. Aspects 343 (2009) 24–29

Fig. 1. ATR-FTIR spectra of silicate sorbed onto magnetite from 1 mM sodium
metasilicate aqueous solutions. The time dependence of the sorption is shown for
(a) pH 10.8 and (b) pH 8.5.

8.5, and 7.0 (Fig. 3). In Fig. 3, the infrared absorbance caused by sili-
cate was integrated between 1300 cm−1 and 800 cm−1 and divided
by the mass of magnetite deposited as a thin layer on the ATR crys-
tal and then this ratio was plotted versus the reaction time. It can
be clearly seen that from pH 10.8 to pH 8.5, the integrated intensity

Fig. 2. The diagram shows the distribution of silicic acid/silicate anions in aque-
ous solution as a function of pH. The total silica concentration was 1 mM and the
thermodynamic equilibrium constants are listed in Table 1.

Fig. 3. Sorption of silicate from 1 mM sodium metasilicate aqueous solution at differ-
ent pH onto magnetite followed by desorption. Filled circles, integrated absorbance
of sorbed silicate per mg magnetite; open circles, integrated absorbance of resid-
ual silicate on surface during desorption. Infrared spectra were integrated between
1300 cm−1 and 800 cm−1.

of sorbed silicate increased with decreasing pH. However, when
pH was lowered to 7.0 the integrated intensity decreased imply-
ing that there is a maximum in the amount of sorbed silica. This
pH dependent silicate sorption behaviour of magnetite is consis-
tent with previous studies [1,7,11,12] where thermodynamic models
have been used to explain the observed maximum. The decreased
amount of sorbed silicate between pH 8.5 and pH 7.0 occurred in
a pH interval where the charge of the silicate species in solution is
neutral (Fig. 2) and that of the magnetite surface is still negative
although decreasingly so with pH. However, the condensation of
silicate monomers is promoted at the magnetite surface at lower
pH [2,7,22]. The decreased sorption of silicate from pH 8.5 to pH 7.0
could therefore be attributed to the decreased availability of surface
sites caused by condensation reactions masking otherwise available

Fe–OH sites and/or the decrement of ionic silicate species which
are essential to the sorption reaction. The measured absorbance
of the infrared spectrum is proportional to the square of the vector
product between the electric field vector of the evanescent field (E),
which mainly depends on the thickness of the iron oxide layer in the
present case, and the transition dipole moment (M), which should
relate to the structure of formed surface silicate species. Using an
equation proposed by Dobson et al. [23], the absorption may be
described as:

Ai = εi�
′
i

de

t
(1)

where Ai is the measured absorbance of the i-species, εi is the molar
absorption coefficient of sorbed silicate species, � ′

i
is the apparent

surface loading concentration, t is the thickness of the deposited
layer on the crystal, de is the effective path length determined by the
refractive indices of the internal reflection element and the medium
outside, by the thickness of the layer, angle of incidence, and the
wavelength of the infrared radiation.

As a first approximation, it is assumed that the molar absorp-
tion coefficients of sorbed silicate species formed at different pH
are not changing with the amount sorbed or are experienced to the
same relative change. This assumption is reasonable, at least for pH
9.5–7.0, considering the similarities in line shapes of the infrared
spectra of sorbed silicate within this pH range (not shown here, but
in [22]). Except at extremely high pH (pH 10.8), showing a differ-
ent line shape, the spectral line shapes recorded at pH 7.0, 8.5, and
9.5 were very similar indicating similar silicate species on the iron
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oxide surface at each pH value and that the relative amount of these
species were also similar. Between different series of spectral data
at a certain pH, the mass of the deposited magnetite layer varied
from 1.0 mg to 0.3 mg. For the experiments at pH 7.0 and pH 8.5, the
mass of the magnetite layer was close to 0.3 mg, and at pH 9.5 and
pH 10.8 the amount of magnetite was close to 1.0 mg. However, the
integrated intensity of infrared absorption should be proportional
to the mass of the magnetite layer. Despite of the uncertainty of the
de/t ratio in Eq. (1) that restricted the application of accurate quanti-
tative comparison between different experimental series, the time
dependent trend of silicate sorption onto magnetite, as shown in
Fig. 3, should be true in this pH range. It should be noticed that the
line shape and peak frequency position of the absorption bands at
pH 10.8 is different from the ones at lower pH (Fig. 1) and there-
fore a direct comparison of sorbed amounts between high (10.8)
and low (9.5–7.0) pH values in Fig. 3 is more uncertain. However,
it seems still plausible to suggest that the highest pH value imply
a lower amount of sorbed silica, which is also supported by results
from others [1,7,11,12]. Desorption experiments carried out directly
after sorption at a certain pH were used to assess the sorption affin-
ity of silicate for the magnetite surface. The residual silicate on
the magnetite surface was monitored during the time the flow-
cell was flushed with Milli-Q water. ATR-FTIR spectra are shown
in Fig. 1 and desorption results are plotted in Fig. 3. During the
time of desorption used here (∼2 h) it is clear that silicate is more
easily desorbed at high pH than at low pH. This might be caused
by the formation of oligomeric surface silicate species at low pH.
Formation of such species would imply stronger interaction with
the magnetite surface since each species may offer many Fe–O–Si
bonds with the surface and therefore it takes longer time to desorb
these species. On the other hand high pH would imply an enhanced
detachment of sorbed silicate as ions in accordance with the sil-
ica dissolution mechanism and an increased electrostatic repulsion
between magnetite surface and silicate species which should facili-
tate the desorption and inhibit the resorption as well. Although the
desorption rate seemed to be higher in the beginning of the desorp-
tion reaction, an equilibrium plateau value was not reached within
2 h.

3.2. Effect of silicate concentration on sorption

In Figs. 4 and 5, the sorption of silicate from aqueous solution
onto magnetite (Fig. 4) and maghemite (Fig. 5) is shown at pH 8.5
and different silicate concentration. Clearly, the concentration as
well as pH is important for the type of surface complexes formed.
At the lowest concentration (0.1 mM, Fig. 4), the recorded spectra
reminds very much of spectra recorded at pH 10.8 but for a higher
silicate concentration (1 mM, Fig. 1a). Accordingly, the 950 cm−1

band is due to bidentate monomeric surface species, whilst the
shoulder at the high frequency side of this band demonstrates
the formation of oligomeric species. At the highest silicate con-
centration (5 mM), the dominant band at ∼1020 cm−1 for a 1 mM
solution is shifted to ∼1050 cm−1 upon increased surface load-
ing. This is an interesting spectral shift because a higher silicate
concentration is expected to result in more of polymeric species.
Accordingly, the shift from 1020 cm−1 to 1050 cm−1 is an indication
of increased polymerization at the magnetite surface resulting in
oligomeric species with a higher degree of polymerization but may
simultaneously reflect a change of the structure of the oligomers
since infrared spectra are well-known to be sensitive to changes in
molecular structure. Sorption from a 5 mM aqueous silicate solu-
tion also imply a much higher intensity at 1100–1150 cm−1, which
was assigned to a three-dimensional framework such as amorphous
silica. However, the broadness of this band is significantly larger
than the half-width of a spectrum of amorphous silica particles (not
shown) although the peak frequency is almost the same. This might

Fig. 4. ATR-FTIR spectra showing the time dependence of silicate sorption on mag-
netite at pH 8.5 and different silica concentration.

imply that the three-dimensional silica framework structure even-
tually will form a silica layer which infrared spectrum is similar to
the spectrum of amorphous silica particles. It might be speculated
that the appearance of such a broad band in this region could be
due to the number of Si–O–Si units exposed to different environ-
ments such as in cyclic trimers, mono-substituted cyclic tetramers,
cyclic tetramers, bridged cyclic tetramers etc. If these units rep-
resent slightly different vibrational potentials with low activation
energy between them, the result should be a broadening of the
absorption band caused by Si–O vibrations.

Fig. 5 shows that vibrational spectra of silicate sorbed on a
maghemite surface at pH 8.5 are very similar to the correspond-

Fig. 5. ATR-FTIR spectra showing the time dependence of silicate sorption on
maghemite at pH 8.5 and different silica concentration.
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Fig. 6. Sorption and desorption of sodium silicate at pH 8.5 and different silica con-
centration: (a) magnetite and (b) maghemite. Filled circles; integrated absorbance
of sorbed silicate per mg magnetite; open circles, integrated absorbance of resid-
ual silicate on surface during desorption. Infrared spectra were integrated between
1300 cm−1 and 800 cm−1.

ing spectra for silicate on magnetite. Spectra recorded for sorption
from a 1 mM solution are similar in line shape compared to cor-
responding spectra obtained for magnetite (Fig. 4). The surface
species assigned for magnetite are also valid for maghemite and
they appear at almost the same peak frequencies for the two iron
oxide surfaces. However, for silicate sorbed from a 5 mM solu-
tion, the absorbance ratio A1150/A1020 is somewhat larger for the
maghemite/silicate system than for silicate on magnetite suggest-
ing that the three-dimensional silica phase is more readily formed
on maghemite as compared with magnetite.

The experiments involving maghemite were also encompassing
sorption from a 0.4 mM silicate solution (Fig. 5). At this silicate con-
centration, being in between 1 mM and 0.1 mM (Fig. 4), the band
at 950 cm−1 had slightly higher intensity in the beginning of the
sorption reaction, relative to the absorption at ∼1000 cm−1. The
latter band shifts gradually to 1020 cm−1 and increases in intensity
as the sorption reaction proceeds. These findings are in accordance
with the spectral results discussed above, showing that monomeric
silicate species dominates at low silicate concentration whereas
oligomeric species become more frequent at higher concentration
and at longer reaction times.

3.3. A comparison between sorption onto magnetite and
maghemite

Another interesting question addressed in this study was the
possible difference between magnetite and maghemite concerning
their sorption behaviour. The results so far have shown that their
qualitative sorption behaviour is rather similar. However, compar-
ing the amount of silicate species sorbed on the two iron oxide
surfaces (Figs. 4, 5 and 6), the difference is apparent. The amount

Table 1
Speciation model of dilute silicate aqueous solution based on the reaction:
pH+ + qSi(OH)4 ⇔ Hp(Si(OH)4)q

p+. Formation constants from Felmy [18].

p q Chemical formula log (K
◦
p,q)

−1 1 SiO(OH)3
− −9.82

−2 1 SiO2(OH)2
2− −23.27

−1 2 Si2[−] −8.50
−2 2 Si2[2−] −19.4
−3 3 Si3[3−](cyclo) −29.3
−3 3 Si3[3−](linear) −29.4
−4 4 Si4[4−](linear) −39.1
−4 4 Si4[4−](cyclo) −39.2
−4 4 Si4[4−](sub) −39.1
−4 4 Si4[2−] −15.6
−6 6 Si6[6−] −61.8

of silicate sorbed on magnetite is higher by a factor of 3–5 as com-
pared with maghemite although the structure of the two iron oxides
is similar both representing a spinel structure with tetrahedral and
octahedral sites. The main physical difference between the two is
the unit cell volume being slightly smaller for maghemite caused
by the oxidation of the Fe (II) atoms. Both minerals have about the
same point of zero charge as determined by Sun et al. and Jarlbring
et al. using zeta potential measurements on iron oxide samples pre-
pared by applying a similar synthesis routine as here, viz. at about
pH 6.0 for magnetite and at about pH 6.2 for maghemite [15,19].
The measured BET areas are also rather similar viz. 98 m2/g for
magnetite and 87 m2/g for maghemite, at least partly due to the
similarities between the particle sizes of the two synthesized iron
oxides. However, the number of measured proton active adsorp-
tion sites is very different for the two iron oxides. As determined
by potentiometric titrations, the number of proton active surface
sites is about 0.8 sites/nm2 for maghemite and 5.2 sites/nm2 for
magnetite [15,19]. It is therefore proposed here that the number
of active surface sites is the main cause of magnetite being a more
efficient sorbent for silicate species than maghemite. According to
Fig. 6a and b, about 3 times more is sorbed at 5 mM silicate concen-
tration and 5 times more at 1 mM silicate concentration after the
iron oxide have been exposed to the silicate solutions for about 2 h.
It should be noticed that in neither of these two cases, a sorption
equilibrium plateau value was reached.

4. Conclusions

The sorption of silicate from aqueous solution onto magnetite
and maghemite was monitored by in situ ATR-FTIR spectroscopy.
From the infrared absorption of silicate species versus time it was
concluded that a maximum absorption appeared between pH 7.0
and pH 9.5. Below pH 9.5, a sorption equilibrium value could not
be reached within 2 h. Desorption of already sorbed silicate on a
magnetite surface was easier to accomplish at high pH (10.8) than
at low pH (9.5–7.0). One reason could be the more extensive for-
mation of oligomeric surface silicate species at low pH. At high pH
or low silicate concentration, the dominant surface species were
a bidentate monomeric surface complex assigned to the infrared
band at 950 cm−1. Decreasing pH or increasing the concentration of
silica implies more of oligomeric surface silicate species assigned
to the infrared absorption at 1000–1050 cm−1. At the highest sil-
icate concentration (5 mM) this band shifted from 1020 cm−1 to
1050 cm−1 as the surface loading increased with the time of reac-
tion. Simultaneously, a broad band at 1150 cm−1 grew in intensity,
a band that was assigned to a three-dimensional silica framework.
The gradual shift from 1000 cm−1 to higher frequency indicated
that the degree of polymerization increased with the sorption time
and silicate concentration.

The main difference between magnetite and maghemite con-
cerning silicate sorption was the amount sorbed. The amount of
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silicate sorbed onto magnetite was 3–5 times larger than the cor-
responding sorption onto maghemite.
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Abstract 

The surface characteristics of a mainly forsteritic olivine (Mg2SiO4) were studied at alkaline conditions, 

using potentiometric titrations in combination with XPS, SEM-EDS, in-situ ATR-FTIR and zeta 

potential determinations. The olivine was finely ground and equilibrated in background electrolytes at a 

total ionic strength of 0.100 M. It was established that wet grinding of the olivine introduced structural 

alterations, lowering the Mg:Si ratio to approximately 3:2. Olivine samples equilibrated in 

Mg(NO3)2/NaNO3 electrolytes showed a significant increase of the Mg:Si ratios as determined by XPS. 

The zeta potential determinations of the ground olivine revealed a negative surface charge, which 

proved to be nearly constant and independent of pH within the range studied. In-situ ATR-FTIR proved 

to be a viable technique to study adsorption reactions at the olivine surfaces. An olivine film was 

successfully deposited onto an ATR crystal, making it possible to confirm the adsorption of soluble 

silica when Mg2+ was added to the solution used to condition the olivine film. 

Surface titrations were carried out using both continuous and batch technique, and the concentrations of 

Mg, Ca and Si in the resulting background electrolytes were determined by spectroscopic methods. In 

the continuous titrations experiments, it was possible to attain pH values with a drift in pH less than 

0.01 pH unit h-1 within the range, 9.8 < pH < 11.1. The results indicate incongruent dissolution 

behaviour. At the start of the titrations the aqueous Mg:Si ratio was >> 2:1, changing to a ratio << 2:1 

at the alkaline conditions studied. The titrations of the olivine-H+ system were evaluated using the 

constant capacitance model (CCM). The varying number of available surface sites was estimated by 

including data from chemical analyses of the aqueous magnesium concentrations in the calculations. It 

was assumed that magnesium ions migrated back to the olivine surface when increasing pH, resulting 

in the formation of new active surface sites. This information was used to adjust the concentration of 

available surface sites. The surface capacitance was simultaneously optimized to 9.6 F m-2. The 

following reactions were found to best describe the surface reactions in the system:  
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MgOH2
+  MgOH + H+  log s

-11(int) = -10.8 ± 0.1 

MgOH2
+  Mg(OH)2

- +2 H+ log s
-21(int) = -22.3 ± 0.1 
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1. INTRODUCTION 

Olivine, Mg1.8Fe0.2SiO4, is a mineral with many technical applications, such as foundry sand, 

refractories, fluidised beds, abrasives and as an additive in the production of iron ore pellets to improve 

the pellet properties in the blast furnace. New applications and uses of olivine have also been 

continuously studied and proposed, for example CO2 sequestering (Giammar et al., 2005; Maroto-Valer 

et al., 2005; Schuiling and Krijgsman, 2006) and neutralisation of industrial waste acids (Van Herk, 

1989; Jonckbloedt, 1998). Olivine is one of the most common silicate minerals in nature and the earth’s 

upper crust and the commonly used name of the solid solution between the two pure end members 

namely forsterite, Mg2SiO4 and fayalite, Fe2SiO4. The structure of olivine comprises of isolated silicate 

tetrahedrons, SiO4
4- that are cross-linked by chains of distorted edge-sharing Mg, Fe occupied 

octahedrons. When submerging olivine in aqueous solutions at pH < 9, the magnesium ions at the 

surface layers are readily exchanged with available protons, H+. Several authors have investigated the 

dissolution behaviour of olivine at these conditions, (e.g. Luce et al., 1972; Blum and Lasaga, 1988; 

Wogelius and Walther, 1992; Pokrovsky and Schott, 2000a; Oelkers, 2001). The dissolution of olivine 

is characterised by the amount of Si released into the aqueous solution. Dissolution mechanisms and 

dissolution kinetics as a function of pH are examples of parameters that have been studied. The 

dissolution kinetics and mechanism in the alkaline pH range and the pH dependence are still discussed. 

Some studies claim to have found a pH dependence of the dissolution kinetics (Blum and Lasaga, 

1988; Wogelius and Walter, 1991) while other argues that the kinetics is almost independent of pH and 

instead is controlled by the hydration of the surface and the amount of available surface area (Eriksson 

1982; Pokrovsky and Schott 2000a). Depth profiling of the magnesium exchange and how deep the 

protons are able to penetrate into the olivine structure have been investigated by X-ray photoelectron 

spectroscopy, (XPS) (Seyama et al., 1996; Pokrovsky and Schott, 2000b; Zakaznova-Herzog et al., 

2008) and Resonance Nuclear Reaction Analysis by Fujimoto et al., (1993). These studies showed that 



 5

protons were able to penetrate deeper at acidic pH than at medium and alkaline pH. The O:Si ratio of 

the olivine samples decreased at acidic pH, an indication of polymerisation of the silicate tetrahedrons 

in the olivine structure. An understanding of the different reactions at the mineral-water interface is of 

crucial interest in order to be able to describe the processes that are taking place at the mineral surface. 

It is difficult to study the reactions of olivine’s active surface, since dissolution reactions and surface 

alterations take place in almost the whole pH range. These dissolution reactions are slow and make it 

difficult to attain equilibrium conditions during the experiments. The allowed potential drift in 

previously reported potentiometric titration studies of olivine suspensions has therefore been quite 

large, 30 – 60 mV h-1, (0.5 – 1 pH unit h-1) depending on the pH range (Pokrovsky and Schott, 2000b). 

Atoms at the surface layer of minerals are not completely coordinated and metal sites positioned at a 

mineral surface may therefore behave as Lewis acids. When these metal surface sites are hydrated, for 

example by immersion of the mineral in an aqueous solution, the surface metal ions will first 

coordinate the water molecules. Then a dissociative chemisorption of the water molecules may create 

amphoteric hydroxyl surface groups at the mineral surface. These active surface sites, usually denoted 

MOH or XOH will then become capable to accept and release protons, H+ from the solution. Surface 

complexation modelling, (SCM) is a concept that was developed in order to describe the sorption 

processes taking place at the mineral-water interface. Several SCMs have been developed which in 

many ways are very similar but differ in the way to describe and treat the electrochemical double layer 

in the model. At high ionic strengths, the diffuse double layer will be compressed, resulting in an 

essentially linear relation between the surface charge and the surface potential, i.e. a constant 

capacitance over the double layer. This approach was developed to the constant capacitance model 

(CCM) by Schindler and Gamsjäger, (1972). This model also has the advantage of introducing only 

one adjustable parameter for the description of the double layer, the capacitance, C (F m-2). 

This paper presents a study of olivine surface chemistry at alkaline conditions. At high pH the 

dissolution and the surface rearrangements are more restricted than at low and neutral pH, and it is 
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therefore possible to attain a very small potential drift during the potentiometric titrations. The surface 

characteristics of olivine and the effect of magnesium and calcium ions in the aqueous solution were 

investigated by means of X-ray photoelectron spectroscopy (XPS), extreme high-resolution scanning 

electron microscope (XHR-SEM), in-situ ATR-FTIR spectroscopy, zeta potential measurements and 

surface titrations. 
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2. MATERIALS AND METHODS 

2.1. Mineral samples 

The natural olivine samples used in this study originates from a deposit located at Seqinnersuusaaq, 

Greenland. The result of a chemical analysis, X-ray fluorescence, (XRF) of olivine samples is shown in 

Table 1. The high MgO content classifies the olivine as forsteritic and it has a similar composition as 

San Carlos forsterite that has been used in several previous studies of olivine, (Wogelius and Walther 

1991; Pokrovsky and Schott 2000a; Oelkers 2001). To further compare the chemical composition of 

these samples with the San Carlos forsterite the following molar ratios were calculated using the data 

given in Table 1. Mg:Si 1.8 (1.8), Fe:Si 0.14 (0.19) and Fe:Mg 0.08 (0.10), molar ratios of San Carlos 

forsterite are presented in the parentheses. Since the molar content of magnesium is 12.5 times higher 

than the iron content in olivine, the influence of iron was neglected in the experiments. 

 

Table 1. Chemical composition of olivine used in the experimental work, Fredriksson, (2007). 

Oxide Mass % 

SiO2 41.2 

MgO 48.9 

Fe2O3 7.9 

Cr2O3 0.33 

CaO 0.20 

Na2O 0.04 

K2O 0.09 

 

The initial samples of olivine particles had a widespread size distribution and a large particle size, up to 

3 mm diameter. In order to ensure good stirring and homogenous olivine suspensions during the 

equilibration of the samples, it was necessary to reduce the particle size. A decreased particle size also 

increases the amount of surface area per mass unit, an important parameter when studying surface 
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reactions. The olivine was subjected to wet grinding until a size fraction of < 10 μm was obtained. The 

final obtained olivine powder was gently dried and then stored in a desiccator under argon atmosphere. 

The specific surface area of the olivine powder was determined before the experiments using BET N2 

adsorption measurements (Brunauer et al., 1938). The grinding of the olivine resulted in a specific 

surface area of 9.41 ± 0.01 m2 g-1. 

 

2.2. Potentiometric titrations  

All solutions used in the titration experiments were prepared from MilliQ water, degassed using 

vacuum and p.a. quality chemicals. In order to minimise any possible silica contamination originating 

from glass ware dissolution, all solutions were prepared and stored in plastic vessels. The total ionic 

strength of all solutions was adjusted to 0.100 M by additions of NaNO3. All solutions and the titration 

equipment were situated in a thermostated laboratory, 25 ± 0.5°C. To further ensure a constant and 

controlled temperature during the titration experiments the titration vessel was immersed in an oil bath, 

25 ± 0.1°C. Argon gas was used as protecting atmosphere to minimise CO2 contamination during the 

experiments. The argon gas was passed through 10 % NaOH, 10 % H2SO4, MilliQ water and 0.100 M 

NaNO3 solutions in order to remove any impurities and provide the argon with a saturated humidity. A 

volume of 40.00 ml, background electrolyte was used in all the titration experiments and the amount of 

olivine used was varied between 0.500; 1.000; 2.000 and 4.000 g. This resulted in specific surface area 

per volume of 118; 236; 472 and 944 m2 dm-3.  

The mineral suspension was kept homogenous during the titration by continuous stirring using a Teflon 

propeller. Due to the alkaline environment of the experiments special care was taken when selecting pH 

electrodes. The choice fell on Radiometer pHG211 glass electrodes, designed to operate in alkaline 

environments and thereby minimising any deviations from the theoretical pH response. As reference 

electrode, a double-junction Ag/AgCl electrode (Orion 900200) with 0.100 M NaNO3 as outer filling 
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solution was used. When a titration had been finalised the glass electrode was thoroughly rinsed with 

MilliQ water and immersed in 10 mM HNO3 for at least 24 hours. The electrode was washed off once 

more and then put in 0.100 M NaNO3 storage solution. The pH electrodes were calibrated using a 

concentration scale, [H+]. Henceforth, pH in this article is referring to the concentration, log [H+]. The 

calibration of the pH electrodes were performed according to the multiple-point calibration technique 

recommended by Baucke, (2002) and Baucke et al., (1993). In brief, at least five different calibration 

points obtained in solutions at well-defined [H+] and a total ionic strength of 0.100 M, NaNO3 as ionic 

medium were used. The value for the autoprotolysis constant of water (Kw = 10-13.775) at ionic strength 

0.100 M, were taken from Sjöberg et al., (1983). The experimental setup of the titration equipment was 

monitored and controlled by a computer. A programme recorded electrode potentials, monitored the 

drift in potential and controlled a Metrohm 645 multi – dosimat used for the additions of titrant. A 

potential drift less than 0.60 mV h-1 (~0.01 pH unit h-1) in the mineral suspension was considered as 

steady state condition that had to be fulfilled before additions of the titrant. This experimental 

configuration has previously been used to study acid-base properties and adsorption reactions of 

different minerals such as, maghemite Jarlbring et al. (2005a), Jolsterå et al. (2010), magnetite Jolsterå 

et al. (2012), hematite, Jarlbring et al. (2005a), apatite, Jarlbring et al. (2005b), Jarlbring et al. 

(2005c), illite Du et al. (1997), Liu et al. (1999) and sulphide minerals, Rönngren et al. (1991), Sun et 

al. (1991).  
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Table 2. Summary of continuous titration experiments of olivine, performed at 25°C and CO2 – free 

environment. 

Experiment Olivine, g 
Surface 

area, m2 
Starting pH 

Background 

electrolyte 

SQ-T-05-Na-I 0.500 4.71 pHimm NaNO3 

SQ-T-05-Na-II 0.500 4.71 pHimm NaNO3 

SQ-T-05-Na-III 0.500 4.71 pHimm NaNO3 

SQ-T-10-Na-I 1.000 9.41 pHimm NaNO3 

SQ-T-10-Na-II 1.000 9.41 pHimm NaNO3 

SQ-T-10-Na-III 1.000 9.41 pHimm NaNO3 

SQ-T-10-Na-IV 1.000 9.41 pHimm NaNO3 

SQ-T-20-Na-I 2.000 18.82 pHimm NaNO3 

SQ-T-20-Na-II 2.000 18.82 pHimm NaNO3 

SQ-T-20-Na-III 2.000 18.82 pHimm NaNO3 

SQ-T-20-Na-IV 2.000 18.82 pHimm NaNO3 

SQ-TwS-20-Na-I 2.000 18.82 pHimm NaNO3 

SQ-TwS-20-Na-II 2.000 18.82 pHimm NaNO3 

SQ-TwS-20-Na-III 2.000 18.82 pHimm NaNO3 

SQ-T-40-Na-I 4.000 37.64 pHimm NaNO3 

SQ-TQ-10-Na-I 1.000 9.41 pHimm NaNO3 

SQ-TQ-20-Na-I 2.000 18.82 pHimm NaNO3 

SQ-TQ-40-Na-I 4.000 37.64 pHimm NaNO3 
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2.2.1. Batch experiments 

In addition to the continuous titration experiments, batch suspension samples of olivine at a total ionic 

strength of 0.100 M were prepared. These batch experiments were performed in plastic centrifuge 

tubes, 50 ml High Density PolyEthylene (HDPE). 20.00 ml background electrolyte was added to the 

olivine powder, 1.000 g. The remaining empty volume of the centrifuge tube was then flushed and 

filled with argon before sealing the tubes. Then the samples were equilibrated for 20 hours, using a 

tube rotator for homogenisation. After the equilibration of the olivine surfaces, pH was adjusted by 

additions of NaOH solution. In order to minimize concentration gradients of OH-, the samples were 

homogenised using a Teflon propeller and argon gas was simultaneously flushed into the centrifuge 

tube in order to minimise CO2 contamination. The equilibration procedure for 20 hours was repeated 

and the suspensions were then divided into two fractions. One fraction was used to determine pH, the 

pH electrodes were calibrated using the same method described earlier. The other fraction was further 

treated and analyzed. 

The samples taken from the olivine suspensions were centrifuged and the clear supernatant was 

thereafter filtered using a 0.2 m PolyTetraFluoroEthylene, (PTFE) syringe filters. Then the Si and Mg 

contents in the supernatant were analyzed. The Si concentration was determined by the blue molybdate 

method (Spectroquant®, Merck) and the Mg concentration was determined by Atomic Absorption 

Spectroscopy (AAS), both with an uncertainty of 2%. The residual solid material was carefully dried 

and then prepared for SEM and XPS analysis. 
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Table 3. Summary of batch experiments of olivine, performed at 25°C and CO2 – free environment. 

Experiment Olivine, g Surface 

area, m2 

[Mg2+] 

addition, mM 

[Ca2+] 

addition, mM 

Starting pH 

SQ-B-10-Na-I 1.000 9.41 --------- --------- pHimm 

SQ-B-10-Na-II 1.000 9.41 --------- --------- 9.95 

SQ-B-10-Mg-I 1.000 9.41 1.0 --------- pHimm 

SQ-B-10-Mg-II 1.000 9.41 2.0 --------- pHimm 

SQ-B-10-Mg-III 1.000 9.41 4.0 --------- pHimm 

SQ-B-10-Ca-I 1.000 9.41 --------- 1.0 pHimm 

SQ-B-10-Ca-II 1.000 9.41 --------- 2.0 pHimm 

SQ-B-10-Ca-III 1.000 9.41 --------- 4.0 pHimm 

 

2.3. Zeta potential determinations 

The samples were analysed using a Zeta Compact (Cad Instrumentation) equipped with video and 

image analysis system (software: Zeta4). Two different background electrolytes were used, 0.100 M 

NaNO3 and 4.0 mM Mg(NO3)2 both at 0.100 M total ionic strength. The olivine samples were 

equilibrated using the same two-step procedure as for the batch experiments described earlier. The 

initial solid concentration of the equilibrated samples was always 50.00 g dm-3. The equilibrated 

samples were then excessively diluted with background electrolyte of the same pH in order to achieve a 

sufficiently low particle concentration before analysis. An excessive concentration of particles makes it 

impossible for the camera to follow all particles and measure their zeta potential. It is therefore of great 

importance to keep the amount of particles in the samples at a reasonable level in order to ensure high 

quality in the measurements. 
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2.4. X-ray photoelectron spectroscopy (XPS) 

Olivine particles and background electrolyte were separated by centrifugation, the wet particles were 

then gently dried in preparation for XPS analysis of the surface composition. X-ray photoelectron 

spectroscopy analysis of the olivine samples were performed using a Kratos Axis Ultra electron 

spectrometer (Manchester, UK). A monochromatic Al K  source operated at 90 W was used as 

excitation source as well as a hybrid lens system with magnetic lens, and charge neutraliser. By 

measuring the areas of the Mg2p, Si2p and O1s lines the different Mg:Si (Mg2p:Si2p) and O:Si (O1s:Si2p) 

ratios in the outermost layers of the olivine were obtained.  

 

2.5. SEM 

The surface features of olivine particles that had been subjected to surface titrations were analysed with 

an extremely high-resolution scanning electron microscope (XHR-SEM), Magellan 400, FEI Company. 

The chemical composition of the olivine particles was also analysed with the EDS probe of the 

instrument.  

 

2.6. ATR-FTIR 

Spectral data were acquired using a Bruker Vertex 80v FT-IR spectrometer equipped with a liquid 

nitrogen cooled Mercury-Cadmium-Telluride (MCT) detector. The zinc selenide, ZnSe ATR crystal 

(Crystan Ltd) coated with a film of olivine particles was mounted in a single chamber flow-through 

cell. The olivine film was prepared by the depositing of 2.0 ml, ~0.15 mg ml-1 olivine suspension 

followed by evaporating the water under vacuum. This arrangement allows one to continuously pump 

the aqueous solution through the cell and study the adsorption reactions that take place in-situ. The 

aqueous solution was recirculated with an average rate of ~5.4 ml min-1. The internal reflection element 

of ZnSe has a trapezoidal-shaped geometry with 45° cut edges and the dimensions of 50 × 20 × 2 mm. 
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The incidence angle of the infrared beam was set to 45°. Both single beam background and 

experimental spectra were recorded by averaging 256 scans at a resolution of 4 cm-1. All spectral data 

evaluations were performed using the OPUS program from Bruker Optics. The pH of the solution 

throughout the experiment was controlled with the help of a pH-stat, Mettler Toledo T70 Titrator.  

 

2.7. Evaluation of titration data 

The total hydroxide sorption capacity of the olivine suspension was initially determined by Gran plot 

technique (Gran, 1952). Gran plot functions, Eq. (1) can be used to analyse the reacted volume (Veq) of 

added base, i.e. the total amount of hydroxide ions adsorbed at the oxide surface. 

 

F = (V0 + Vt) × 10-E/g       (1) 

 

V0 denotes the initial volume of the olivine suspension, Vt the added volume of titrant from the burette 

at a fixed experimental point and g is determined from the slope of the calibration curve of pH. The Veq 

is then acquired by plotting the Gran function, F vs. Vt and then extrapolate the linear part of the curve 

until its intersection with the Vt axis. The total concentrations of active surface sites, S0, in the olivine 

suspensions were calculated using, Eq. (2). Ctitrant is the concentration of the titrant used in the titration 

experiments. The titration data was modelled and evaluated with help of FITEQL 4.0. The constant 

capacitance model (CCM) was used in the modelling and the fit of the models were optimized with 

respect to the accumulated proton/hydroxide exchange data. 

 

S0=
V eq× Ctitrant

V 0
       (2) 
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3. RESULTS AND DISCUSSION 

3.1. SEM 

The surfaces of the olivine grains were investigated using SEM in order to characterise the surface 

morphology. The main incentive was to evaluate the possible formation of secondary surface 

precipitates or extensive dissolution/transformation of the particles after the performed experiments. 

Significant precipitation or dissolution reactions in the mineral suspensions may have large effects on 

the data acquired from the experiments, including consumption or production of hydroxide ions.  

SEM images of the olivine particles after equilibration are presented in Fig. 1. The particles displayed a 

fractured surface, with particle sizes ranging from approximately 10 nm to several μm. They displayed 

few to no signs of either surface precipitation or etching pits. The particle morphology of the olivine 

particles exhibited smooth surfaces with lots of smaller olivine particles adhering to the larger ones, 

(Fig. 1a-d). A similar appearance of olivine that has been subjected to ultra fine wet grinding has been 

reported previously by Summers et al., (2005). Pokrovsky and Schott (2000a) reported that small 

olivine particles persisted dissolution in alkaline solutions and can be found adhering to the larger 

particles. They also showed that olivine particles subjected to dissolution conditions lacked these 

adhering small particles and instead could signs of etch pits starting to form on  the remaining larger 

particles be identified. The existence of adhering small particles then indicates that any potential 

dissolution reactions during the grinding and titration experiments were kept at a minimum. Some 

small scattered precipitate looking clusters could be noticed, but their numbers were very low. Fig. 1b 

shows a close-up image of one such cluster. The majority of these clusters were found at samples with 

added Mg2+, a likely explanation for this is the precipitation of brucite or some secondarily formed 

mineral. Both olivine surfaces with and without particulate material and spots with precipitate looking 

clusters were analysed using the EDS probe of the SEM instrument. The chemical composition of the 

surface was very similar at all investigated points, showing a Mg:Si ratio of approximately 1.8:1. 
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Figure 1. SEM images of equilibrated olivine particles, a and b) 2.0 mM Mg(NO3)2 at pH = 11.32 and 

c) and d) 0.100 M NaNO3 at pH = 9.85.  

 

3.2. XPS analyses 

Samples subjected to surface titration experiments and the ground starting material were analyzed 

using XPS, the results presented as atomic ratios are shown in Table 4. When comparing the calculated 

Mg:Si ratios from XPS and SEM-EDS analyses, there are significant differences. The most likely 

explanation corresponds to the difference in analysis depth of the two techniques. XPS is extremely 

surface specific and has an analysis depth of a few nm while the EDS probe penetrates up to several 

μm into the sample. Therefore, the Mg:Si ratio, (1.8:1) from the EDS analysis more represents the bulk 

composition while the ratio determined by XPS corresponds mainly to the surface composition. 
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Table 4. Atomic ratios, Mg:Si and O:Si of different olivine samples determined by XPS analyses. 

pH Background electrolyte Mg:Si ratio O:Si ratio 

------ None, grinded starting material 1.44 3.13 

9.85 0.100 M NaNO3 1.43 2.92 

11.06 0.100 M NaNO3 1.48 3.21 

11.52 0.100 M NaNO3 1.47 3.10 

10.89 4.0 mM Mg(NO3)2 1.67 3.52 

3.2 10.0 mM HNO3 0.81 2.66 

 

Surface alteration of the olivine particles during the intensive wet grinding is the plausible explanation 

for the diverging Mg:Si and O:Si ratios from the bulk chemical composition, 1.8:1 and 4:1 respectively. 

The XPS results in Table 4 are in agreement with previous published results of Fujimoto et al (1993), 

Seyama et al (1996) and Pokrovsky and Schott (2000b). The changes of the Mg:Si and O:Si ratios are 

explained by H+ penetration and exchange with Mg2+ followed by polymerisation of the silica 

tetrahedrons. These alterations of the olivine surfaces will result in that Mg and O atoms will leave the 

mineral structure as Mg2+ and H2O respectively. One olivine sample was subjected to acidic treatment 

in order to validate that the surface still would exchange Mg2+ with H+ when pH was lowered. This, 

although the alteration of the surface during the grinding. Acidic treatment resulted in further decrease 

of both the Mg:Si and O:Si ratios, in agreement of XPS experiment by Seyama et al (1996) and 

Pokrovsky and Schott (2000b). Analyzed samples from the titrations performed using 0.100 M NaNO3 

electrolyte, exhibits no significant change of the atomic ratios in comparison with the starting material. 

Therefore, it is likely that the surface modifying reactions that initially took place when suspending 

olivine particles in water essentially were complete already during the grinding. Thus, the influence of 

this type of reactions could probably be neglected for the experiments performed in 0.100 M NaNO3 

and within the pH range studied. A previously performed XPS study of olivine surfaces that had been 

subjected to alkaline pH, reported increased Mg:Si ratios (Pokrovsky and Schott, 2000b). This result 

was interpreted as the formation of a magnesium rich surface layer, mainly created by preferential 
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release of silicate tetrahedrons. However, within the pH range used in this study this result could not be 

confirmed, which may be due to the initial introduction of surface modifications by the wet grinding.  

Adding Mg2+ to the background electrolyte resulted in an significant increase of the, Mg:Si and O:Si 

ratios (Table 4). Surface complexation of hydrolyzed magnesium ions, (MgOH+) to deprotonated 

silanol surface groups, SiO- would explain the increase of the studied ratios. James and Healy (1972) 

have shown that unhydrolyzed cat ions do not adsorb onto silica surfaces. The explanation for this lies 

in the solvation energy of the ions. The solvation energy is an important factor in the interactions 

between surfaces with insulating properties i.e. a solid with low dielectric constant and charged ions. 

Hydrolysis of the adsorbing ions lowers their charge and thereby also the ion-solvent interaction. Thus, 

hydrolysis lowers the obstructive barrier that the solvation energy constitutes. Thus, Mg2+ will not be 

able to adsorb on the olivine surfaces until the suspension conditions are suitable for some hydrolysis 

of the Mg2+. Visual MINTEQ was used to calculate the pH dependence of the Mg2+ hydrolysis at the 

experimental conditions used, the results showed that at pH = 9.8 (pHimm of the olivine), more than 1 % 

is hydrolyzed. Based on this, it can be assumed that a sufficient portion of the magnesium ions are 

hydrolyzed at these conditions. The increase of the Mg:Si and O:Si ratios for the sample with added 

Mg2+ tenably suggests that Mg2+ forms surface complexes and surface precipitates with the added 

hydroxide ions.  

 

3.3. Zeta potential determinations 

The obtained zeta potential values with error bars and their pH dependence are presented in Fig. 2. The 

results from the zeta potential measurements were consistent with previously published olivine 

(Pokrovsky and Schott, 2000b) as well as serpentine data (Tartaj et al., 2000). The surface charge of the 

samples was very similar in the two studied electrolytes with 0.100 M total ionic strength, (0.100 M 

NaNO3 and 4.00 mM Mg(NO3)2) and remained practically constant in the studied pH range. The zeta 
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potential appears to be independent of pH and the added amount of Mg2+ ions in the background 

electrolyte. This is an indication of two things, the adsorption of hydrolyzed magnesium ions, MgOH+ 

does not significantly alter the zeta potential. Furthermore, no or negligible surface precipitation of 

Mg(OH)2(s) takes place at the mineral surfaces. The adsorption of added magnesium ions results in no 

increase of the positive surface charge since only hydrolyzed magnesium ions, MgOH+ will adsorb 

onto the available silicate sites. The adsorption of MgOH+ at ≡SiO- surface sites results in a non-

charged surface complex and the zeta potential results suggests that there are still a substantial amount 

of free ≡SiO- sites determining the zeta potential of the particles. Any greater extent of Mg(OH)2 

precipitation is unlikely since the surface charge of the olivine particles would then be expected to 

change towards more positive values. This since magnesium hydroxide minerals as brucite, Mg(OH)2, 

show high iep values, pHiep  11 (Pokrovsky and Schott, 2004). 
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Figure 2. Zeta potential of olivine in aqueous suspensions, experimental data for 0.100 M NaNO3 (×) 

and 4.00 mM Mg(NO3)2 ( ) at a total ionic strength of 0.100 M. 
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3.4. Potentiometric titrations and batch sorption experiments  

 

3.4.1. NaNO3 medium 

When the finely ground olivine material was immersed into the background electrolyte, it immediately 

caused a rise in pH. This pH value, the pH of immersion (pHimm) of the olivine in 0.100 M NaNO3 was 

9.85 ± 0.1. Experiments using various starting mass concentrations of solid, 12.50 – 100.00 g dm-3, 

indicated that the pHimm was not significantly affected by increasing solid concentration in the 

suspension. This is in agreement of previously reported results by Pokrovsky and Schott (2000b), they 

showed that the pHimm of olivine is constant for added surface area > 20 m2 dm-3, corresponds to > 2.2 

g dm-3 in these titration experiments. The different titration and batch experiments of olivine were 

performed in the pH range, 9.5-11.5. Analyses performed using the blue molybdate method showed 

that approximately 0.1 mM of soluble silica was present in the solution at equilibrium conditions. The 

concentration of soluble silica was found to be independent of the starting mass concentration of 

olivine and thus also independent of the surface area. When silicate tetrahedrons, SiO4
4-, are released 

from the olivine structure to the aqueous solution, they will be protonated by hydrolysis reactions, 

forming soluble silica ions or silicic acid, reaction (3). Three or four hydroxyl groups may be released 

into the solution per SiO4
4- since the stoichiometry of the reaction is pH dependent according to 

reaction (4), (Sjöberg et al., 1983). 

 

 SiO4
4- + 4 H2O  Si(OH)4 + 4 OH-     (3) 

 

 Si(OH)4(aq)  SiO(OH)3
- + H+   -log K = 9.59  (4) 
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Calculations using the soluble silica concentration at the starting point of the titrations indicate that a 

pH slightly above 10 should be expected. Other processes as the adsorption of hydroxide ions at the 

surface may explain the somewhat lower pH value obtained. Changes in pHimm over time were studied 

to make sure that the hydroxylation and surface reactions of the olivine reached a steady state. A 

suspension with the mass concentration of 50.00 g dm-3 was continuously stirred with a Teflon 

propeller and was allowed to equilibrate in 0.100 M NaNO3 electrolyte. The electrode potential values 

in the mineral suspension were recorded every fifth minute. pHimm became slightly more alkaline 

during the first hour of equilibration,  0.03 pH units. The initial increase of pHimm was followed by a 

decrease that lasted approximately for the next fifteen hours at a magnitude of  0.15 pH units. After 

approximately 16 hours of equilibration time, the electrode potential values reached steady state 

conditions.  

The hydroxide ion sorption capacity of olivine suspensions using 0.100 M NaNO3 as background 

electrolyte was then determined at steady state conditions by continuous titration. Four titrations were 

performed for each of the different mass concentrations with the exception of the suspension with the 

highest content of olivine, 100.00 g dm-3 of which one titration was performed. The equivalence 

volume, Veq, of the olivine suspensions was determined by Gran plot graphs. High concentrations of 

particles in suspension may increase the surface interactions, and it is therefore important to evaluate if 

increasing particle concentrations affect the resulting equivalence volume. The linear behaviour of the 

determined equivalence volume of reacted hydroxide ions shown in Fig. 3, confirms that the 

hydroxylation of the olivine surface reaches a stable steady state condition within the studied pH range. 
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Figure 3. Equivalence volumes at different mass concentrations: 12.50 g dm-3 (1.53 ± 0.21 ml), 

25.00 (2.86 ± 0.20), 50.00 (5.85 ± 0.35) and 100.00 (11.16) respectively. Filled circles ( ) and solid 

line represent steady state titrations, circles ( ) and dashed line correspond to fast titrations. 

 

Furthermore, any potential particle-particle interaction seems to have a negligible effect on the 

equivalence volume within the studied mass concentration range. Titration experiments with less 

restrictive drift conditions, henceforth called fast titrations were also conducted. These fast titration 

experiments were conducted by adding of 0.50 ml 0.0100 M NaOH every third minute to the olivine 

suspension. The potential drift of these fast titrations were in the range of 5 to 10 mV h-1 (~0.08 – 0.17 

pH unit h-1). Experimental data from one titration experiment for each mass concentration were used to 

determine the equivalence volume of the fast titrations. The obtained Veq values differed significantly 

when performing fast and steady state titrations, respectively (Fig 3). Fast titrations resulted in Veq 

values that were consistently lower, about 62 % of those obtained from steady state titrations. Thus, 
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fast titrations will not detect all available surface sites, a parameter of high importance when it comes 

to modeling of the surface reactions within the system. This is an important finding, when comparing 

the estimated concentration of available surface sites in the suspension, (S0) from this study with earlier 

studies of olivine at alkaline conditions, using less strict drift conditions.  

The negative charging of the particles will probably improve the particle dispersion and imply a higher 

number of surface sites. Since the surface reactions may be relatively slow, it will be important to allow 

the system to attain a full separation of the particles. The experimentally determined S0 value from the 

steady state titrations was used to calculate the numbers of hydroxide active surface sites per nm2, Ns 

(sites nm-2) using Eq. (5). S0 = the concentration of available surface sites in the suspension, NA = 

Avogadro’s number (6.022 × 1023 mol-1), SA = specific surface area (m2 g-1) and CS = mass 

concentration (g dm-3). The experimentally determined maximum hydroxide surface site density sites 

was compared with previously suggested Ns values of mineral surfaces in general and olivine in 

particular, Table 5. 

 N S=
S 0× N A

S A× C S× 1018        (5) 

 

Table 5. Comparison of different surface sites values, Ns. 

Mineral Ns, sites nm-2 mol m-2 

Olivine, 
(Mg1.8Fe0.2SiO4) 

1.88 ± 0.16a 3.12 ± 0.27 × 10-6 

---------- 2.31b 3.84 × 10-6 

Forsterite 20c 3.32 × 10-5 

Forsterite 23d 3.82 × 10-5 

a Experimentally determined in this study. 

b General suggestion for mineral surfaces (Davis and Kent, 1990). 

 c, d Theoretical values derived from the crystal structure (Wogelius and Walther, 1991; Morrow et al., 

2010). 
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The theoretically estimated values of Ns of olivine are approximately ten times larger in comparison to 

the value suggested by Davis and Kent (1990). Their general Ns value is based on published 

experimental results from a large variety of minerals. According to Davis and Kent, (1990), their 

evaluation of experimental data indicates that common Ns values for various minerals are between 1 to 

7 sites nm-2. The value determined in this study is close to their suggested universal Ns value, 

supporting that the parameters extracted from the surface titrations are realistic. This in contrast to the 

theoretical Ns values for olivine which assume that all potential sites on the surface are active towards 

hydroxide ions.  

 

3.4.2. Mg2+ doped background electrolyte 

The influence of additions of magnesium ions to the background electrolyte on the olivine surface 

reactions was tested by substituting some of the NaNO3 in the background electrolyte with Mg(NO3)2. 

Fig. 4 illustrates the changes of aqueous [Mg2+] in the pH range, pHimm to pH 11.4 when using four 

different background electrolytes, all with the total ionic strength of 0.100 M. As can be seen in Fig. 4, 

the pHimm decreased with increasing Mg2+ additions. Without additions of magnesium ions, pHimm was 

9.85 ± 0.1 and with the addition of 4.0 mM Mg(NO3)2, pHimm decreased to  9.4.Visual MINTEQ was 

used to analyse supersaturating of the fluids, initial concentrations of Mg2+ and Si released upon olivine 

immersion was used as starting concentrations. Two potentially present secondary phases were 

indicated by the modelling results, namely brucite, (Mg(OH)2) and chrysotile, (Mg3(Si2O5)(OH)4). The 

dotted curve (- - -) in Fig. 4 shows the resulting concentration of free Mg2+ from the modelling. A 

saturation curve for brucite was also modelled and is displayed as a solid line ( ) in Fig. 4. It 

becomes apparent from Fig. 4 that all suspensions at some pH are supersaturated with respect to 

chrysotile. The modelling with Visual MINTEQ also showed that if chrysotile precipitation occurs the 

[Sitot] would be reduced to below μM levels. Since no such decrease of the soluble silica concentration 

was detected, it can be questioned if any chrysotile precipitation is possible. Analysis of high pH 
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mineral waters from ultramafic rocks by Marques et al (2008), showed that these natural waters also 

were supersaturated with respect to chrysotile. The most probable explanation for this supersaturation 

is slow precipitation kinetics at low temperature, therefore is chrysotile precipitation neglible within the 

range of time for the experiments. The experimental data in Fig. 4 indicates that no brucite precipitation 

should take place in the NaNO3 and 1.0 mM MgNO3 suspensions, since measured Mg2+ concentrations 

for these samples are below the saturation curve. Fig. 4 show no supersaturation for the 2.0 and 4.0 mM 

suspensions, but the experimental data coincides with the saturation curve for 2.0 mM Mg2+ at pH  

10.4 and 4.0 mM Mg2+ at pH 10.2, respectively. This is interpreted that above these pH the aqueous 

Mg2+ concentration is primarily regulated by brucite precipitation.  
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Figure 4. Aqueous concentration of Mg2+ ions vs. pH, using different magnesium concentrations in the 

background electrolytes: ( ) 0.100 M NaNO3, (+) 1.0 mM Mg(NO3)2, ( ) 2.0 mM Mg(NO3)2, (×) 4.0 

mM Mg(NO3)2, all at the total ionic strength of 0.100 M. Solid black line displays saturation curve for 

brucite and dotted line for chrysotile and brucite together and using concentrations of Mg2+, (0.6 mM) 

and Si, (0.1 mM) released upon immersion. 
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The magnesium ions in the structure of olivine seem to play an important role in the regulation of pH in 

the mineral suspension. pHimm at steady state will depend on the amount of magnesium ions interacting 

with the mineral surface and the subsequent hydrolysis at the exposed silicate sites as well as the 

amount of deprotonated soluble silica, SiO4
4- being released to the solution. Additions of magnesium 

ions to the background electrolyte also significantly reduced the concentration of soluble silica species 

in solution, with a minimum for the soluble silica concentration at about pH 10.5, Fig. 5.  
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Figure 5. Release of soluble silica using increasing concentrations of magnesium ions in the electrolyte: 

0.100 M NaNO3 ( ), 1.0 mM Mg(NO3)2 (+), 2.0 mM Mg(NO3)2 ( ) and 4.0 mM Mg(NO3)2 (×) at a 

total ionic strength of 0.100 M. 
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The decrease of soluble silica in the aqueous phase may be explained by different processes that occur 

simultaneously in the suspension, the dissolution of the olivine ceases or diminishes to a minimum, 

adsorption of soluble silica onto the olivine surface and formation of adsorbed magnesium silicates. 

The addition of magnesium ions to the aqueous phase resulted in lower concentrations of soluble silica 

concentration in the olivine suspension. As proposed earlier and as seen in Fig. 4 hydrolysed 

magnesium ions may be adsorbed at the surfaces of olivine, probably to the surface silicate groups. 

These surface complexes formed may further interact with soluble silica in the aqueous suspension, 

forming bridging silicate – magnesium – silicate (ternary) surface complexes.  

 

At immersion, approximately six times more magnesium was released than soluble silica, (Fig. 6). 

Clearly the dissolution reaction is not congruent, as implied by the solubility product proposed by 

Nordstrom and Munoz, (1994), reaction (6). 

 

 Mg2SiO4(s) + 4 H2O  2 Mg2+ + Si(OH)4 + 4 OH-  -log K = 26.9 (6) 

 

However, as shown in Figure 6, it would be possible to achieve a stoichiometry in solution that is 

consistent with the proposed reaction, if pH is adjusted to approximately 10.4. To confirm this, olivine 

was immersed in a NaNO3 electrolyte with pH = 10.5, adjusted by additions of NaOH and at a total 

ionic strength of 0.100 M. A higher initial pH was chosen due to the expected hydroxide consumption 

of the surface sites. After equilibration, the aqueous Mg:Si ratio was found to be 2.3:1 and pH  10.2, 

which then indicates that it may be possible to also acquire congruent dissolution according to the 

proposed reaction at somewhat higher pH. 
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Figure 6. [Mg2+](aq)/[Si(aq)]tot vs. pH attained from solubility tests in 0.100 M NaNO3 ( ), the dotted 

line marks the proposed congruent ratio adjusted according to the elemental composition of the studied 

olivine. 

 

3.4.3. Ca2+ doped background electrolyte 

In contrast to the experiments with Mg2+ containing electrolytes, additions of calcium ions, 1.0, 2.0 and 

4.0 mM Ca(NO3)2 at 0.100 M total ionic strength had negligible effect on the Mg2+ release from the 

olivine, (Fig. 7). The release of Mg2+ is a result of equilibrium reactions taking place between the 

olivine surfaces and the aqueous solution before steady-state equilibrium is reached. Ca2+ is tenably not 

affecting these reactions and will therefore not change the release of Mg2+. The immersion pH, pHimm 

of calcium doped background electrolyte was somewhat higher in comparison with the corresponding 

Mg2+ doped background electrolytes. The analysed pHimm of the Ca2+ doped electrolytes at a total ionic 

strength of 0.100 M were pH = 9.7 (1.0 mM Ca(NO3)2), pH = 9.6 (2.0 mM Ca(NO3)2) and pH = 9.5 
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(4.0 mM Ca(NO3)2). A possible explanation for this is that the addition of Ca2+ reduces the aqueous 

concentrations of soluble silica as shown in Fig. 8, but to a lesser extent than magnesium additions, Fig. 

5.  

0.00

0.20

0.40

0.60

0.80

1.00

1.20

9.25 9.75 10.25 10.75 11.25

pH

[M
g

2+
]/

 m
M

 

Figure 7. Aqueous concentration of Mg2+ ions vs. pH, using different calcium concentration in the 

background electrolytes: ( ) 0.100 M NaNO3, (+) 1.0 mM Ca(NO3)2, ( ) 2.0 mM Ca(NO3)2, (×) 4.0 

mM Ca(NO3)2, all at the total ionic strength 0.100 M. 

 

As discussed before, the hydrolysis of released silicates will produce hydroxide ions, according to 

reaction (5). More soluble silica is thus released for the calcium ion containing electrolytes than in 

Mg2+ containing electrolytes, resulting in a more alkaline pHimm. The reason for this is that calcium 

may only reduce the aqueous soluble silica concentration by the formation of calcium silicate surface 

complexes. Due to the larger ionic radius, added calcium ions will not influence the dissolution 

equilibrium in the same way as described for Mg2+ earlier. The formation of aqueous calcium silicate 
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complexes is another possible calcium ion interaction, which should be considered when evaluating the 

experimental calcium silicate data. However, calculations using calcium silicate formation constants by 

Santschi and Schindler, (1974) established that the amounts of aqueous calcium silicates formed were 

negligible at the prevailing conditions of these titration experiments. Visual MINTEQ was also used to 

clarify whether any potential precipitates with the added calcium may occur. Modelling with the 

obtained experimental data showed no signs of potential calcium precipitates.  
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Figure 8. Release of soluble silica using increasing concentrations of calcium concentration in the 

background electrolytes: ( ) 0.100 M NaNO3, (+) 1.0 mM Ca(NO3)2, ( ) 2.0 mM Ca(NO3)2, (×) 4.0 

mM Ca(NO3)2, all at the total ionic strength 0.100 M. 

 

3.5. In-situ ATR-FTIR, Mg2+ and soluble silica interactions 

In order to further study the possibility of increased surface adsorption of soluble silica when Mg2+ is 

added to the system in-situ ATR-FTIR experiment was performed. A 0.100 M NaCl solution at pH 
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10.2 was initially pumped through the flow cell. During the conditioning of the olivine film a very 

small decrease of the intensity at the absorption band for silicates, 1000-1200 cm-1 was observed. This 

indicated that some small release of silica from the olivine film occurred during the conditioning. After 

conditioning and equilibration of the deposited olivine film a new background of the sample was 

acquired and then 1.0 mM Mg2+ was added to the solution. Directly after the addition of Mg2+, a peak 

at ~1012 cm-1 was observed. The intensity of the peak increased during the first 10 minutes, and then it 

reached its maximum and remained constant for the rest of the conditioning. Adsorption at the 1010-

1020 cm-1 band is attributed to adsorption of soluble silica at surfaces (Yang et al. 2009). This result 

supports previous discussion that soluble silica released from the olivine particles form surface 

complexes with added Mg2+. The weight of the film was also measured before, (0.27 mg) and after the 

ATR-FTIR experiment and it differed with 0.01 mg. This indicates that no extensive dissolution or loss 

of film occurred during the experiment. 

 

3.6. Modelling 

Being positively charged, the magnesium sites in the olivine structure were considered to be the active 

sites, forming surface complexes with aqueous hydroxide ions. The number of magnesium surface sites 

is probably not constant during the titration experiments. As previously discussed, magnesium ions are 

released from the surface into the solution when olivine is immersed in the electrolyte. With increasing 

pH, the concentration of magnesium ions in the suspension decreases, which can be explained by a 

migration of magnesium ions back to the olivine surface and thereby creating new active surface sites. 

The detachment of SiO4
4- tetrahedrons from the surface may also to a minor extent contribute to an 

increase of the number of available magnesium sites on the surface. The changing number of active 

surface sites at the olivine surface has been discussed earlier by Oelkers et al., (2009). However, no 

methods to handle this in the modelling have been suggested. By careful determination of the 
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magnesium concentration in the suspension, an estimation of the changes in the number of active 

surface sites was performed. It was assumed that the magnesium ions migrated back to the surface, 

creating active surface sites according to reaction (7) and (8). The potential influence on the number of 

active surface sites from SiO4
4-detachment was assumed to be negligible, due to the low silicate 

concentration released into the solution in comparison with the release of magnesium ions from the 

surface, (Fig. 4 and 5).  

 

 XO- + MgOH+ + H2O  XOMgOH2
+ + OH- pH < 10.8 (7) 

 XO- + MgOH+  XOMgOH   pH > 10.8 (8) 

 

The magnesium species in adsorption reaction (7) and (8) are given as MgOH+, for the reason 

discussed earlier in the article. The best fit to experimental data was obtained with a model consisting 

of surface reactions (9) and (10) with the surface capacitance optimized to 9.6 F m-2: 

 

MgOH2
+  MgOH + H+  log s

-11(int) = -10.8 ± 0.1 (9) 

 MgOH2
+  Mg(OH)2

- +2 H+ log s
-21(int) = -22.3 ± 0.1 (10) 

 

Experimental data from continuous titration and batch experiments with two different mass 

concentrations, 25.0 and 50.0 g dm-3 were included in the model calculation. Titration points and model 

data are presented in Fig. 9. When performing only alkaline titrations, H is calculated according to Eq. 

(11), where −OH
V  is the volume of added hydroxide solution, [OH-]burette the concentration of the 

hydroxide solution and V0 is the starting volume as defined earlier. Thus, H is the balance of the total 

added proton/hydroxide ion concentrations, i.e. the negative values of H in this paper is interpreted as 

the total concentrations of added hydroxide ions. 
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Figure 9. The proton exchange shown as a function of pH for the proposed model (solid line) and 

experimental data ( ) collected from continuous titrations. The concentration of solids was 25.0 g dm-3. 

 

The characteristics of the olivine, with its high and varying solubility as well as the limited pH range in 

which equilibrium of the surface reactions may be attained complicates the model calculations. 

However, the obtained results give a strong support for the proposed reactions (9) and (10) as the most 

significant surface reactions in the system and at moderate alkaline conditions. 
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4. CONCLUSIONS 

The chemical reactions of a natural olivine in alkaline aqueous suspensions have been studied. XPS 

analyses of olivine surfaces before and after titration experiments indicated that a significantly altered 

elemental composition of the surfaces already during grinding of the mineral, giving lowered Mg:Si 

and O:Si ratios. However, adding magnesium ions to the background electrolyte before immersion, 

resulted in a significant increase of the Mg:Si ratio after equilibration. Furthermore, magnesium 

additions decrease the amount of silicate species released into the aqueous phase. Additions of calcium 

ions did not affect the magnesium release, but decreased the amount of released silicates. The soluble 

silica release in the calcium doped electrolytes was, however, still larger in comparison with similar 

magnesium addition experiments. In-situ ATR-FTIR experiments showed that soluble silica may re-

adsorb on an equilibrated olivine surface when Mg2+ is added to the solution. Thus, ternary surface 

complexes of Mg2+ and soluble silica can be formed onto olivine surfaces at the prevailing conditions 

used in this study. 

It was shown that it is possible to obtain a surface complexation model of the system using data from 

both continuous potentiometric titrations and batch experiments at near equilibrium conditions. The 

calculations were performed on data within a limited pH range, 9.8–11.1. Two protolytic surface 

reactions were proposed, assuming a variable number of surface magnesium sites responsible for 

aqueous phase–surface interaction with hydroxide ions. An attempt to estimate the varying total 

concentration of active surface sites, S0, in the studied pH range was performed, which significantly 

improved the fit of the model to the experimental data. Olivine displays a incongruent dissolution 

behaviour, except at pH ≈ 10.4, where experiments indicated a Mg:Si ratio close to 1.8:1. At lower pH, 

the Mg:Si ratio was > 2:1 and at more alkaline pH, < 2:1, reflecting the pH-dependent release of 

magnesium and silicate ions. No indications of precipitations could be found by studies of the olivine 

surfaces by XPS and SEM. These findings were also supported by zeta potential measurements. 
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Titration, SQ-T-05-Na-I 
Initial powder concentration = 12.5 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.96 0.000 1.0000 
0.50 9.99 -0.123 0.9877 
1.00 10.03 -0.244 0.9756 
1.50 10.10 -0.361 0.9639 
2.00 10.14 -0.476 0.9524 
2.50 10.17 -0.588 0.9412 
3.00 10.21 -0.698 0.9302 
3.50 10.24 -0.805 0.9195 
4.00 10.29 -0.909 0.9091 
4.50 10.32 -1.011 0.8989 
5.00 10.35 -1.111 0.8889 
5.50 10.39 -1.209 0.8791 
6.00 10.42 -1.304 0.8696 
6.50 10.44 -1.398 0.8602 
7.00 10.47 -1.489 0.8511 
7.50 10.50 -1.579 0.8421 
8.00 10.53 -1.667 0.8333 
8.50 10.55 -1.753 0.8247 
9.00 10.58 -1.837 0.8163- 
9.50 10.59 -1.919 0.8081 
10.00 10.61 -2.000 0.8000 
10.50 10.64 -2.079 0.7921 
11.00 10.66 -2.157 0.7843 
11.50 10.68 -2.233 0.7767 
12.00 10.70 -2.308 0.7692 
12.50 10.71 -2.381 0.7619 
13.00 10.73 -2.453 0.7547 
13.50 10.75 -2.523 0.7477 
14.00 10.76 -2.593 0.7407 
14.50 10.77 -2.661 0.7339 
15.00 10.78 -2.727 0.7273 
15.50 10.80 -2.793 0.7207 
16.00 10.81 -2.857 0.7143 
16.50 10.82 -2.920 0.7080 
17.00 10.83 -2.982 0.7018 
17.50 10.84 -3.043 0.6957 
18.00 10.85 -3.103 0.6897 
18.50 10.86 -3.162 0.6838 
19.00 10.87 -3.220 0.6780 
19.50 10.88 -3.277 0.6723 
20.00 10.88 -3.333 0.6667 

 
 
 
 
 



Titration, SQ-T-05-Na-II 
Initial powder concentration = 12.5 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 10.00 0.000 1.0000 
0.50 10.05 -0.123 0.9877 
1.00 10.04 -0.244 0.9756 
1.50 10.08 -0.361 0.9639 
2.00 10.13 -0.476 0.9524 
2.50 10.17 -0.588 0.9412 
3.00 10.21 -0.698 0.9302 
3.50 10.27 -0.805 0.9195 
4.00 10.33 -0.909 0.9091 
4.50 10.33 -1.011 0.8989 
5.00 10.36 -1.111 0.8889 
5.50 10.38 -1.209 0.8791 
6.00 10.40 -1.304 0.8696 
6.50 10.42 -1.398 0.8602 
7.00 10.45 -1.489 0.8511 
7.50 10.48 -1.579 0.8421 
8.00 10.51 -1.667 0.8333 
8.50 10.53 -1.753 0.8247 
9.00 10.54 -1.837 0.8163 
9.50 10.56 -1.919 0.8081 
10.00 10.59 -2.000 0.8000 
10.50 10.61 -2.079 0.7921 
11.00 10.63 -2.157 0.7843 
11.50 10.65 -2.233 0.7767 
12.00 10.66 -2.308 0.7692 
12.50 10.68 -2.381 0.7619 
13.00 10.70 -2.453 0.7547 
13.50 10.72 -2.523 0.7477 
14.00 10.74 -2.593 0.7407 
14.50 10.75 -2.661 0.7339 
15.00 10.77 -2.727 0.7273 
15.50 10.78 -2.793 0.7207 
16.00 10.79 -2.857 0.7143 
16.50 10.80 -2.920 0.7080 
17.00 10.81 -2.982 0.7018 
17.50 10.83 -3.043 0.6957 
18.00 10.84 -3.103 0.6897 
18.50 10.85 -3.162 0.6838 
19.00 10.86 -3.220 0.6780 
19.50 10.87 -3.277 0.6723 
20.00 10.88 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-05-Na-III 
Initial powder concentration = 12.5 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.98 0.000 1.0000 
0.50 10.02 -0.123 0.9877 
1.00 10.05 -0.244 0.9756 
1.50 10.11 -0.361 0.9639 
2.00 10.15 -0.476 0.9524 
2.50 10.22 -0.588 0.9412 
3.00 10.29 -0.698 0.9302 
3.50 10.28 -0.805 0.9195 
4.00 10.31 -0.909 0.9091 
4.50 10.35 -1.011 0.8989 
5.00 10.38 -1.111 0.8889 
5.50 10.41 -1.209 0.8791 
6.00 10.44 -1.304 0.8696 
6.50 10.46 -1.398 0.8602 
7.00 10.49 -1.489 0.8511 
7.50 10.51 -1.579 0.8421 
8.00 10.54 -1.667 0.8333 
8.50 10.56 -1.753 0.8247 
9.00 10.59 -1.837 0.8163 
9.50 10.60 -1.919 0.8081 
10.00 10.63 -2.000 0.8000 
10.50 10.64 -2.079 0.7921 
11.00 10.66 -2.157 0.7843 
11.50 10.68 -2.233 0.7767 
12.00 10.70 -2.308 0.7692 
12.50 10.71 -2.381 0.7619 
13.00 10.73 -2.453 0.7547 
13.50 10.75 -2.523 0.7477 
14.00 10.76 -2.593 0.7407 
14.50 10.78 -2.661 0.7339 
15.00 10.79 -2.727 0.7273 
15.50 10.80 -2.793 0.7207 
16.00 10.81 -2.857 0.7143 
16.50 10.83 -2.920 0.7080 
17.00 10.84 -2.982 0.7018 
17.50 10.85 -3.043 0.6957 
18.00 10.86 -3.103 0.6897 
18.50 10.87 -3.162 0.6838 
19.00 10.88 -3.220 0.6780 
19.50 10.88 -3.277 0.6723 
20.00 10.89 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-10-Na-I 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.90 0.000 1.0000 
0.50 9.93 -0.123 0.9877 
1.00 9.98 -0.244 0.9756 
1.50 10.02 -0.361 0.9639 
2.00 10.07 -0.476 0.9524 
2.50 10.11 -0.588 0.9412 
3.00 10.15 -0.698 0.9302 
3.50 10.21 -0.805 0.9195 
4.00 10.22 -0.909 0.9091 
4.50 10.28 -1.011 0.8989 
5.00 10.33 -1.111 0.8889 
5.50 10.35 -1.209 0.8791 
6.00 10.39 -1.304 0.8696 
6.50 10.43 -1.398 0.8602 
7.00 10.45 -1.489 0.8511 
7.50 10.48 -1.579 0.8421 
8.00 10.50 -1.667 0.8333 
8.50 10.54 -1.753 0.8247 
9.00 10.56 -1.837 0.8163 
9.50 10.57 -1.919 0.8081 
10.00 10.61 -2.000 0.8000 
10.50 10.64 -2.079 0.7921 
11.00 10.66 -2.157 0.7843 
11.50 10.70 -2.233 0.7767 
12.00 10.71 -2.308 0.7692 
12.50 10.73 -2.381 0.7619 
13.00 10.75 -2.453 0.7547 
13.50 10.77 -2.523 0.7477 
14.00 10.78 -2.593 0.7407 
14.50 10.79 -2.661 0.7339 
15.00 10.80 -2.727 0.7273 
15.50 10.82 -2.793 0.7207 
16.00 10.83 -2.857 0.7143 
16.50 10.85 -2.920 0.7080 
17.00 10.86 -2.982 0.7018 
17.50 10.88 -3.043 0.6957 
18.00 10.89 -3.103 0.6897 
18.50 10.91 -3.162 0.6838 
19.00 10.92 -3.220 0.6780 
19.50 10.93 -3.277 0.6723 
20.00 10.94 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-10-Na-II 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.89 0.000 1.0000 
0.50 9.89 -0.123 0.9877 
1.00 9.93 -0.244 0.9756 
1.50 9.96 -0.361 0.9639 
2.00 10.01 -0.476 0.9524 
2.50 10.06 -0.588 0.9412 
3.00 10.11 -0.698 0.9302 
3.50 10.15 -0.805 0.9195 
4.00 10.20 -0.909 0.9091 
4.50 10.22 -1.011 0.8989 
5.00 10.28 -1.111 0.8889 
5.50 10.32 -1.209 0.8791 
6.00 10.35 -1.304 0.8696 
6.50 10.38 -1.398 0.8602 
7.00 10.42 -1.489 0.8511 
7.50 10.46 -1.579 0.8421 
8.00 10.49 -1.667 0.8333 
8.50 10.52 -1.753 0.8247 
9.00 10.54 -1.837 0.8163 
9.50 10.58 -1.919 0.8081 
10.00 10.60 -2.000 0.8000 
10.50 10.63 -2.079 0.7921 
11.00 10.65 -2.157 0.7843 
11.50 10.67 -2.233 0.7767 
12.00 10.69 -2.308 0.7692 
12.50 10.71 -2.381 0.7619 
13.00 10.73 -2.453 0.7547 
13.50 10.75 -2.523 0.7477 
14.00 10.76 -2.593 0.7407 
14.50 10.78 -2.661 0.7339 
15.00 10.79 -2.727 0.7273 
15.50 10.81 -2.793 0.7207 
16.00 10.82 -2.857 0.7143 
16.50 10.83 -2.920 0.7080 
17.00 10.84 -2.982 0.7018 
17.50 10.85 -3.043 0.6957 
18.00 10.87 -3.103 0.6897 
18.50 10.88 -3.162 0.6838 
19.00 10.89 -3.220 0.6780 
19.50 10.90 -3.277 0.6723 
20.00 10.91 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-10-Na-III 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.87 0.000 1.0000 
0.50 9.93 -0.123 0.9877 
1.00 9.97 -0.244 0.9756 
1.50 10.01 -0.361 0.9639 
2.00 10.06 -0.476 0.9524 
2.50 10.11 -0.588 0.9412 
3.00 10.14 -0.698 0.9302 
3.50 10.18 -0.805 0.9195 
4.00 10.21 -0.909 0.9091 
4.50 10.25 -1.011 0.8989 
5.00 10.28 -1.111 0.8889 
5.50 10.32 -1.209 0.8791 
6.00 10.37 -1.304 0.8696 
6.50 10.40 -1.398 0.8602 
7.00 10.44 -1.489 0.8511 
7.50 10.47 -1.579 0.8421 
8.00 10.51 -1.667 0.8333 
8.50 10.53 -1.753 0.8247 
9.00 10.55 -1.837 0.8163 
9.50 10.58 -1.919 0.8081 
10.00 10.61 -2.000 0.8000 
10.50 10.63 -2.079 0.7921 
11.00 10.65 -2.157 0.7843 
11.50 10.67 -2.233 0.7767 
12.00 10.70 -2.308 0.7692 
12.50 10.72 -2.381 0.7619 
13.00 10.74 -2.453 0.7547 
13.50 10.76 -2.523 0.7477 
14.00 10.77 -2.593 0.7407 
14.50 10.79 -2.661 0.7339 
15.00 10.81 -2.727 0.7273 
15.50 10.82 -2.793 0.7207 
16.00 10.84 -2.857 0.7143 
16.50 10.85 -2.920 0.7080 
17.00 10.86 -2.982 0.7018 
17.50 10.87 -3.043 0.6957 
18.00 10.88 -3.103 0.6897 
18.50 10.89 -3.162 0.6838 
19.00 10.90 -3.220 0.6780 
19.50 10.91 -3.277 0.6723 
20.00 10.92 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-10-Na-IV 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.84 0.000 1.0000 
0.50 9.90 -0.123 0.9877 
1.00 9.95 -0.244 0.9756 
1.50 10.02 -0.361 0.9639 
2.00 10.06 -0.476 0.9524 
2.50 10.12 -0.588 0.9412 
3.00 10.17 -0.698 0.9302 
3.50 10.21 -0.805 0.9195 
4.00 10.26 -0.909 0.9091 
4.50 10.30 -1.011 0.8989 
5.00 10.34 -1.111 0.8889 
5.50 10.38 -1.209 0.8791 
6.00 10.42 -1.304 0.8696 
6.50 10.44 -1.398 0.8602 
7.00 10.48 -1.489 0.8511 
7.50 10.51 -1.579 0.8421 
8.00 10.54 -1.667 0.8333 
8.50 10.57 -1.753 0.8247 
9.00 10.60 -1.837 0.8163 
9.50 10.62 -1.919 0.8081 
10.00 10.64 -2.000 0.8000 
10.50 10.67 -2.079 0.7921 
11.00 10.69 -2.157 0.7843 
11.50 10.71 -2.233 0.7767 
12.00 10.73 -2.308 0.7692 
12.50 10.74 -2.381 0.7619 
13.00 10.76 -2.453 0.7547 
13.50 10.78 -2.523 0.7477 
14.00 10.79 -2.593 0.7407 
14.50 10.81 -2.661 0.7339 
15.00 10.82 -2.727 0.7273 
15.50 10.83 -2.793 0.7207 
16.00 10.85 -2.857 0.7143 
16.50 10.86 -2.920 0.7080 
17.00 10.87 -2.982 0.7018 
17.50 10.88 -3.043 0.6957 
18.00 10.89 -3.103 0.6897 
18.50 10.90 -3.162 0.6838 
19.00 10.91 -3.220 0.6780 
19.50 10.92 -3.277 0.6723 
20.00 10.92 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-20-Na-I 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 40.00 
ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 10.04 0.000 1.0000 
0.50 10.00 -0.123 0.9877 
1.00 10.01 -0.244 0.9756 
1.50 10.04 -0.361 0.9639 
2.00 10.07 -0.476 0.9524 
2.50 10.10 -0.588 0.9412 
3.00 10.15 -0.698 0.9302 
3.50 10.19 -0.805 0.9195 
4.00 10.22 -0.909 0.9091 
4.50 10.25 -1.011 0.8989 
5.00 10.29 -1.111 0.8889 
5.50 10.32 -1.209 0.8791 
6.00 10.36 -1.304 0.8696 
6.50 10.38 -1.398 0.8602 
7.00 10.41 -1.489 0.8511 
7.50 10.44 -1.579 0.8421 
8.00 10.47 -1.667 0.8333 
8.50 10.50 -1.753 0.8247 
9.00 10.52 -1.837 0.8163 
9.50 10.55 -1.919 0.8081 
10.00 10.58 -2.000 0.8000 
10.50 10.61 -2.079 0.7921 
11.00 10.63 -2.157 0.7843 
11.50 10.66 -2.233 0.7767 
12.00 10.69 -2.308 0.7692 
12.50 10.71 -2.381 0.7619 
13.00 10.73 -2.453 0.7547 
13.50 10.75 -2.523 0.7477 
14.00 10.77 -2.593 0.7407 
14.50 10.79 -2.661 0.7339 
15.00 10.81 -2.727 0.7273 
15.50 10.83 -2.793 0.7207 
16.00 10.85 -2.857 0.7143 
16.50 10.86 -2.920 0.7080 
17.00 10.88 -2.982 0.7018 
17.50 10.89 -3.043 0.6957 
18.00 10.91 -3.103 0.6897 
18.50 10.92 -3.162 0.6838 
19.00 10.93 -3.220 0.6780 
19.50 10.95 -3.277 0.6723 
20.00 10.96 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-20-Na-II 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 

0.00 9.93 0.000 1.0000 
0.50 9.99 -0.123 0.9877 
1.00 10.04 -0.244 0.9756 
1.50 10.08 -0.361 0.9639 
2.00 10.12 -0.476 0.9524 
2.50 10.15 -0.588 0.9412 
3.00 10.20 -0.698 0.9302 
3.50 10.23 -0.805 0.9195 
4.00 10.26 -0.909 0.9091 
4.50 10.29 -1.011 0.8989 
5.00 10.32 -1.111 0.8889 
5.50 10.35 -1.209 0.8791 
6.00 10.38 -1.304 0.8696 
6.50 10.41 -1.398 0.8602 
7.00 10.45 -1.489 0.8511 
7.50 10.48 -1.579 0.8421 
8.00 10.51 -1.667 0.8333 
8.50 10.53 -1.753 0.8247 
9.00 10.56 -1.837 0.8163 
9.50 10.59 -1.919 0.8081 
10.00 10.62 -2.000 0.8000 
10.50 10.65 -2.079 0.7921 
11.00 10.68 -2.157 0.7843 
11.50 10.70 -2.233 0.7767 
12.00 10.73 -2.308 0.7692 
12.50 10.75 -2.381 0.7619 
13.00 10.78 -2.453 0.7547 
13.50 10.80 -2.523 0.7477 
14.00 10.82 -2.593 0.7407 
14.50 10.84 -2.661 0.7339 
15.00 10.86 -2.727 0.7273 
15.50 10.88 -2.793 0.7207 
16.00 10.90 -2.857 0.7143 
16.50 10.92 -2.920 0.7080 
17.00 10.94 -2.982 0.7018 
17.50 10.95 -3.043 0.6957 
18.00 10.97 -3.103 0.6897 
18.50 10.98 -3.162 0.6838 
19.00 11.00 -3.220 0.6780 
19.50 11.01 -3.277 0.6723 
20.00 11.03 -3.333 0.6667 

 



Titration, SQ-T-20-Na-III 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.95 0.000 1.0000 
0.50 10.00 -0.123 0.9877 
1.00 10.03 -0.244 0.9756 
1.50 10.07 -0.361 0.9639 
2.00 10.10 -0.476 0.9524 
2.50 10.13 -0.588 0.9412 
3.00 10.16 -0.698 0.9302 
3.50 10.19 -0.805 0.9195 
4.00 10.22 -0.909 0.9091 
4.50 10.25 -1.011 0.8989 
5.00 10.28 -1.111 0.8889 
5.50 10.31 -1.209 0.8791 
6.00 10.34 -1.304 0.8696 
6.50 10.36 -1.398 0.8602 
7.00 10.39 -1.489 0.8511 
7.50 10.42 -1.579 0.8421 
8.00 10.45 -1.667 0.8333 
8.50 10.47 -1.753 0.8247 
9.00 10.50 -1.837 0.8163 
9.50 10.52 -1.919 0.8081 
10.00 10.55 -2.000 0.8000 
10.50 10.57 -2.079 0.7921 
11.00 10.60 -2.157 0.7843 
11.50 10.62 -2.233 0.7767 
12.00 10.65 -2.308 0.7692 
12.50 10.67 -2.381 0.7619 
13.00 10.69 -2.453 0.7547 
13.50 10.72 -2.523 0.7477 
14.00 10.74 -2.593 0.7407 
14.50 10.76 -2.661 0.7339 
15.00 10.78 -2.727 0.7273 
15.50 10.80 -2.793 0.7207 
16.00 10.82 -2.857 0.7143 
16.50 10.84 -2.920 0.7080 
17.00 10.85 -2.982 0.7018 
17.50 10.87 -3.043 0.6957 
18.00 10.89 -3.103 0.6897 
18.50 10.90 -3.162 0.6838 
19.00 10.92 -3.220 0.6780 
19.50 10.93 -3.277 0.6723 
20.00 10.95 -3.333 0.6667 

 
 
 
 



Titration, SQ-T-20-Na-IV 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.97 0.000 1.0000 
0.90 10.01 -0.220 0.9780 
1.40 10.05 -0.338 0.9662 
1.90 10.09 -0.453 0.9547 
2.40 10.12 -0.566 0.9434 
2.90 10.15 -0.676 0.9324 
3.40 10.19 -0.783 0.9217 
3.90 10.22 -0.888 0.9112 
4.40 10.25 -0.991 0.9009 
4.90 10.29 -1.091 0.8909 
5.40 10.32 -1.189 0.8811 
5.90 10.35 -1.285 0.8715 
6.40 10.38 -1.379 0.8621 
6.90 10.41 -1.471 0.8529 
7.40 10.44 -1.561 0.8439 
7.90 10.46 -1.649 0.8351 
8.40 10.49 -1.736 0.8264 
8.90 10.51 -1.820 0.8180 
9.40 10.54 -1.903 0.8097 
9.90 10.56 -1.984 0.8016 
10.40 10.59 -2.063 0.7937 
10.90 10.61 -2.141 0.7859 
11.40 10.64 -2.218 0.7782 
11.90 10.66 -2.293 0.7707 
12.40 10.69 -2.366 0.7634 
12.90 10.71 -2.439 0.7561 
13.40 10.73 -2.509 0.7491 
13.90 10.75 -2.579 0.7421 
14.40 10.77 -2.647 0.7353 
14.90 10.79 -2.714 0.7286 
15.40 10.80 -2.780 0.7220 
15.90 10.82 -2.844 0.7156 
16.40 10.84 -2.908 0.7092 
16.90 10.86 -2.970 0.7030 
17.40 10.87 -3.031 0.6969 
17.90 10.89 -3.092 0.6908 
18.40 10.90 -3.151 0.6849 
18.90 10.91 -3.209 0.6791 
19.40 10.93 -3.266 0.6734 
19.90 10.94 -3.322 0.6678 

 
 
 
 
 
 



Titration, SQ-TwS-20-Na-I 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.97 0.000 1.0000 
0.50 10.02 -0.123 0.9877 
1.00 10.05 -0.244 0.9756 
1.50 10.09 -0.370 0.9630 
2.00 10.13 -0.488 0.9512 
2.50 10.17 -0.602 0.9398 
3.00 10.20 -0.714 0.9286 
3.50 10.24 -0.824 0.9176 
4.00 10.28 -0.930 0.9070 
4.50 10.31 -1.034 0.8966 
5.00 10.34 -1.136 0.8864 
5.50 10.37 -1.236 0.8764 
6.00 10.41 -1.333 0.8667 
6.50 10.44 -1.429 0.8571 
7.00 10.47 -1.522 0.8478 
7.50 10.50 -1.613 0.8387 
8.00 10.53 -1.702 0.8298 
8.50 10.56 -1.828 0.8172 
9.00 10.58 -1.915 0.8085 
9.50 10.61 -2.043 0.7957 
10.00 10.64 -2.128 0.7872 
10.50 10.67 -2.258 0.7742 
11.00 10.67 -2.340 0.7660 
11.50 10.70 -2.473 0.7527 
12.00 10.72 -2.553 0.7447 
12.50 10.74 -2.632 0.7368 
13.00 10.77 -2.708 0.7292 
13.50 10.79 -2.784 0.7216 
14.00 10.81 -2.857 0.7143 
14.50 10.83 -2.929 0.7071 
15.00 10.85 -3.000 0.7000 
15.50 10.86 -3.069 0.6931 
16.00 10.88 -3.137 0.6863 
16.50 10.90 -3.204 0.6796 
17.00 10.92 -3.269 0.6731 
17.50 10.93 -3.333 0.6667 
18.00 10.95 -3.396 0.6604 
18.50 10.96 -3.458 0.6542 
19.00 10.97 -3.519 0.6481 
19.50 10.99 -3.578 0.6422 
20.00 11.00 -3.636 0.6364 

 
 
 
 



Titration, SQ-TwS-20-Na-II 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.91 0.000 1.0000 
0.50 9.98 -0.123 0.9877 
1.00 9.99 -0.256 0.9744 
1.50 10.02 -0.380 0.9620 
2.00 10.05 -0.500 0.9500 
2.50 10.09 -0.617 0.9383 
3.00 10.12 -0.732 0.9268 
3.50 10.16 -0.843 0.9157 
4.00 10.18 -0.952 0.9048 
4.50 10.21 -1.059 0.8941 
5.00 10.26 -1.163 0.8837 
5.50 10.29 -1.264 0.8736 
6.00 10.31 -1.429 0.8571 
6.50 10.34 -1.529 0.8471 
7.00 10.38 -1.628 0.8372 
7.50 10.41 -1.724 0.8276 
8.00 10.42 -1.818 0.8182 
8.50 10.47 -1.910 0.8090 
9.00 10.50 -2.000 0.8000 
9.50 10.51 -2.088 0.7912 
10.00 10.54 -2.273 0.7727 
10.50 10.57 -2.360 0.7640 
11.00 10.60 -2.444 0.7556 
11.50 10.62 -2.527 0.7473 
12.00 10.65 -2.609 0.7391 
12.50 10.68 -2.688 0.7312 
13.00 10.71 -2.766 0.7234 
13.50 10.73 -2.842 0.7158 
14.00 10.76 -2.917 0.7083 
14.50 10.78 -2.990 0.7010 
15.00 10.80 -3.061 0.6939 
15.50 10.83 -3.131 0.6869 
16.00 10.85 -3.200 0.6800 
16.50 10.86 -3.267 0.6733 
17.00 10.88 -3.333 0.6667 
17.50 10.90 -3.398 0.6602 
18.00 10.92 -3.462 0.6538 
18.50 10.93 -3.524 0.6476 
19.00 10.95 -3.585 0.6415 
19.50 10.96 -3.645 0.6355 
20.00 10.98 -3.704 0.6296 

 
 
 
 



Titration, SQ-TwS-20-Na-III 
Initial powder concentration = 50.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.92 0.000 1.0000 
0.50 9.97 -0.123 0.9877 
1.00 10.02 -0.244 0.9756 
1.50 10.06 -0.361 0.9639 
2.00 10.11 -0.476 0.9524 
2.50 10.16 -0.588 0.9412 
3.00 10.19 -0.698 0.9302 
3.50 10.23 -0.805 0.9195 
4.00 10.20 -0.952 0.9048 
4.50 10.24 -1.059 0.8941 
5.00 10.26 -1.163 0.8837 
5.50 10.30 -1.264 0.8736 
6.00 10.33 -1.364 0.8636 
6.50 10.37 -1.461 0.8539 
7.00 10.41 -1.556 0.8444 
7.50 10.45 -1.648 0.8352 
8.00 10.48 -1.739 0.8261 
8.50 10.52 -1.910 0.8090 
9.00 10.55 -2.000 0.8000 
9.50 10.57 -2.088 0.7912 
10.00 10.59 -2.174 0.7826 
10.50 10.62 -2.258 0.7742 
11.00 10.65 -2.340 0.7660 
11.50 10.68 -2.421 0.7579 
12.00 10.70 -2.500 0.7500 
12.50 10.73 -2.688 0.7312 
13.00 10.75 -2.766 0.7234 
13.50 10.78 -2.842 0.7158 
14.00 10.80 -2.917 0.7083 
14.50 10.82 -2.990 0.7010 
15.00 10.84 -3.191 0.6809 
15.50 10.86 -3.263 0.6737 
16.00 10.88 -3.333 0.6667 
16.50 10.90 -3.402 0.6598 
17.00 10.91 -3.469 0.6531 
17.50 10.93 -3.535 0.6465 
18.00 10.95 -3.600 0.6400 
18.50 10.96 -3.814 0.6186 
19.00 10.98 -3.878 0.6122 
19.50 10.99 -3.939 0.6061 
20.00 11.00 -4.000 0.6000 

 
 
 
 



Titration, SQ-T-40-Na-I 
Initial powder concentration = 100.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.96 0.000 1.0000 
0.50 9.90 -0.123 0.9877 
1.00 9.93 -0.244 0.9756 
1.50 9.95 -0.361 0.9639 
2.00 9.98 -0.476 0.9524 
2.50 10.00 -0.588 0.9412 
3.00 10.03 -0.698 0.9302 
3.50 10.05 -0.805 0.9195 
4.00 10.08 -0.909 0.9091 
4.50 10.11 -1.011 0.8989 
5.00 10.14 -1.111 0.8889 
5.50 10.16 -1.209 0.8791 
6.00 10.19 -1.304 0.8696 
6.50 10.21 -1.398 0.8602 
7.00 10.24 -1.489 0.8511 
7.50 10.26 -1.579 0.8421 
8.00 10.28 -1.667 0.8333 
8.50 10.31 -1.753 0.8247 
9.00 10.30 -1.837 0.8163 
9.50 10.32 -1.919 0.8081 
10.00 10.35 -2.000 0.8000 
10.50 10.38 -2.079 0.7921 
11.00 10.41 -2.157 0.7843 
11.50 10.43 -2.233 0.7767 
12.00 10.45 -2.308 0.7692 
12.50 10.46 -2.381 0.7619 
13.00 10.48 -2.453 0.7547 
13.50 10.52 -2.523 0.7477 
14.00 10.53 -2.593 0.7407 
14.50 10.56 -2.661 0.7339 
15.00 10.57 -2.727 0.7273 
15.50 10.58 -2.793 0.7207 
16.00 10.59 -2.857 0.7143 
16.50 10.60 -2.920 0.7080 
17.00 10.63 -2.982 0.7018 
17.50 10.65 -3.043 0.6957 
18.00 10.67 -3.103 0.6897 
18.50 10.69 -3.162 0.6838 
19.00 10.71 -3.220 0.6780 
19.50 10.73 -3.277 0.6723 
20.00 10.75 -3.333 0.6667 

 
 
 
 



Titration, SQ-TQ-10-Na-I 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, mol (dm-3, 103) Dilution factor 
0.00 9.96 0.000 1.0000 
0.50 10.10 -0.123 0.9877 
1.00 10.21 -0.244 0.9756 
1.50 10.30 -0.361 0.9639 
2.00 10.38 -0.476 0.9524 
2.50 10.45 -0.588 0.9412 
3.00 10.51 -0.698 0.9302 
3.50 10.57 -0.805 0.9195 
4.00 10.62 -0.909 0.9091 
4.50 10.66 -1.011 0.8989 
5.00 10.71 -1.111 0.8889 
5.50 10.75 -1.209 0.8791 
6.00 10.78 -1.304 0.8696 
6.50 10.81 -1.398 0.8602 
7.00 10.85 -1.489 0.8511 
7.50 10.87 -1.579 0.8421 
8.00 10.90 -1.667 0.8333 
8.50 10.93 -1.753 0.8247 
9.00 10.95 -1.837 0.8163 
9.50 10.97 -1.919 0.8081 
10.00 11.00 -2.000 0.8000 
10.50 11.02 -2.079 0.7921 
11.00 11.03 -2.157 0.7843 
11.50 11.05 -2.233 0.7767 
12.00 11.07 -2.308 0.7692 
12.50 11.09 -2.381 0.7619 
13.00 11.10 -2.453 0.7547 
13.50 11.12 -2.523 0.7477 
14.00 11.13 -2.593 0.7407 
14.50 11.14 -2.661 0.7339 
15.00 11.16 -2.727 0.7273 
15.50 11.17 -2.793 0.7207 
16.00 11.18 -2.857 0.7143 
16.50 11.19 -2.920 0.7080 
17.00 11.20 -2.982 0.7018 
17.50 11.22 -3.043 0.6957 
18.00 11.23 -3.103 0.6897 

 
 
 
 
 
 
 
 



Titration, SQ-TQ-20-Na-I 
Initial powder concentration = 12.5 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.84 0.000 1.0000 
0.50 9.92 -0.123 0.9877 
1.00 9.99 -0.243 0.9756 
1.50 10.06 -0.360 0.9639 
2.00 10.12 -0.475 0.9524 
2.50 10.17 -0.586 0.9412 
3.00 10.23 -0.695 0.9302 
3.50 10.27 -0.802 0.9195 
4.00 10.32 -0.906 0.9091 
4.50 10.36 -1.008 0.8989 
5.00 10.40 -1.107 0.8889 
5.50 10.44 -1.205 0.8791 
6.00 10.48 -1.300 0.8696 
6.50 10.51 -1.393 0.8602 
7.00 10.55 -1.484 0.8511 
7.50 10.58 -1.574 0.8421 
8.00 10.61 -1.661 0.8333 
8.50 10.64 -1.747 0.8247 
9.00 10.67 -1.831 0.8163 
9.50 10.70 -1.913 0.8081 
10.00 10.72 -1.993 0.8000 
10.50 10.75 -2.072 0.7921 
11.00 10.77 -2.150 0.7843 
11.50 10.79 -2.225 0.7767 
12.00 10.82 -2.300 0.7692 
12.50 10.84 -2.373 0.7619 
13.00 10.86 -2.445 0.7547 
13.50 10.88 -2.515 0.7477 
14.00 10.89 -2.584 0.7407 
14.50 10.91 -2.652 0.7339 
15.00 10.93 -2.718 0.7273 
15.50 10.94 -2.783 0.7207 
16.00 10.96 -2.847 0.7143 
16.50 10.98 -2.910 0.7080 
17.00 10.99 -2.972 0.7018 
17.50 11.00 -3.033 0.6957 
18.00 11.02 -3.093 0.6897 
18.50 11.03 -3.152 0.6838 
19.00 11.04 -3.209 0.6780 
19.50 11.05 -3.266 0.6723 
20.00 11.07 -3.322 0.6667 

 
 
 
 



Titration, SQ-TQ-40-Na-I 
Initial powder concentration = 100.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
40.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor 
0.00 9.92 0.000 1.0000 
0.50 9.97 -0.123 0.9877 
1.00 10.02 -0.244 0.9756 
1.50 10.07 -0.361 0.9639 
2.00 10.11 -0.476 0.9524 
2.50 10.14 -0.588 0.9412 
3.00 10.18 -0.698 0.9302 
3.50 10.21 -0.805 0.9195 
4.00 10.24 -0.909 0.9091 
4.50 10.27 -1.011 0.8989 
5.00 10.30 -1.111 0.8889 
5.50 10.32 -1.209 0.8791 
6.00 10.35 -1.304 0.8696 
6.50 10.38 -1.398 0.8602 
7.00 10.40 -1.489 0.8511 
7.50 10.43 -1.579 0.8421 
8.00 10.45 -1.667 0.8333 
8.50 10.48 -1.753 0.8247 
9.00 10.50 -1.837 0.8163 
9.50 10.52 -1.919 0.8081 
10.00 10.55 -2.000 0.8000 
10.50 10.57 -2.079 0.7921 
11.00 10.59 -2.157 0.7843 
11.50 10.61 -2.233 0.7767 
12.00 10.63 -2.308 0.7692 
12.50 10.65 -2.381 0.7619 
13.00 10.67 -2.453 0.7547 
13.50 10.69 -2.523 0.7477 
14.00 10.71 -2.593 0.7407 
14.50 10.73 -2.661 0.7339 
15.00 10.75 -2.727 0.7273 
15.50 10.77 -2.793 0.7207 
16.00 10.78 -2.857 0.7143 
16.50 10.79 -2.920 0.7080 
17.00 10.81 -2.982 0.7018 
17.50 10.83 -3.043 0.6957 
18.00 10.84 -3.103 0.6897 
18.50 10.86 -3.162 0.6838 
19.00 10.88 -3.220 0.6780 
19.50 10.89 -3.277 0.6723 
20.00 10.91 -3.333 0.6667 

 
 
 
 



Titration, SQ-B-10-Na-I 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
20.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Si], mM 
0.00 9.85 0.000 1.0000 0.568 0.094 
1.00 10.02 -0.476 0.9524 0.434 0.087 
2.00 10.18 -0.909 0.9091 0.311 0.085 
2.50 10.24 -1.111 0.8889 0.241 0.087 
3.00 10.34 -1.304 0.8696 0.197 0.087 
4.00 10.47 -1.667 0.8333 0.129 0.092 
5.00 10.63 -2.000 0.8000 0.080 0.097 
6.00 10.76 -2.308 0.7692 0.050 0.110 
7.00 10.86 -2.593 0.7407 0.036 0.115 
8.00 10.93 -2.857 0.7143 0.026 0.127 
9.00 10.99 -3.103 0.6897 0.020 0.135 
10.00 11.06 -3.333 0.6667 0.017 0.137 
15.00 11.32 -4.286 0.5714 0.008 0.159 
20.00 11.44 -5.000 0.5000 0.006 0.165 
25.00 11.52 -5.556 0.4444 0.005 0.168 

 
 
Titration, SQ-B-10-Na-II 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
20.00 ml; background electrolyte: 0.100 M NaNO3 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Si], mM 
1.00 10.01 -0.476 0.9524 0.435 0.089 
3.00 10.23 -1.304 0.8696 0.198 0.092 
5.00 10.62 -2.000 0.8000 0.077 0.104 
7.00 10.82 -2.593 0.7407 0.032 0.124 
9.00 10.98 -3.103 0.6897 0.017 0.140 
15.00 11.37 -4.286 0.5714 0.005 0.172 
25.00 11.45 -5.556 0.4444 0.004 0.173 

 
 
Titration, SQ-B-10-Mg-I 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
20.00 ml; background electrolyte: 0.097 M NaNO3 + 1.0 mM Mg(NO3)2 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Si], mM 
0.00 9.61 0.000 1.0000 1.469 0.083 
1.00 9.74 -0.463 0.9524 1.193 0.071 
2.00 9.88 -0.885 0.9091 0.958 0.063 
3.00 10.01 -1.269 0.8696 0.776 0.053 
5.00 10.22 -1.946 0.8000 0.432 0.049 
7.00 10.44 -2.523 0.7407 0.197 0.051 
9.00 10.65 -3.020 0.6897 0.089 0.059 
10.00 10.75 -3.243 0.6667 0.061 0.065 
15.00 11.08 -4.170 0.5714 0.017 0.090 
20.00 11.24 -4.865 0.5000 0.009 0.104 
25.00 11.35 -5.406 0.4444 0.005 0.114 



 
Titration, SQ-B-10-Mg-II 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
20.00 ml; background electrolyte: 0.094 M NaNO3 + 2.0 mM Mg(NO3)2 
NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Si], mM 
0.00 9.47 0.000 1.0000 2.339 0.078 
1.00 9.66 -0.476 0.9524 2.002 0.071 
2.00 9.82 -0.909 0.9091 1.728 0.058 
3.00 9.92 -1.304 0.8696 1.533 0.052 
4.00 10.00 -1.667 0.8333 1.285 0.045 
5.00 10.09 -2.000 0.8000 1.124 0.040 
6.00 10.16 -2.308 0.7692 0.935 0.035 
7.00 10.20 -2.593 0.7407 0.784 0.034 
8.00 10.31 -2.857 0.7143 0.631 0.031 
9.00 10.38 -3.103 0.6897 0.510 0.031 
10.00 10.51 -3.333 0.6667 0.383 0.031 
15.00 10.87 -4.286 0.5714 0.102 0.041 
20.00 11.17 -5.000 0.5000 0.027 0.069 
25.00 11.32 -5.556 0.4444 0.012 0.099 

 
 
Titration, SQ-B-10-Mg-III 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 
20.00 ml; background electrolyte: 0.088 M NaNO3 + 4.0 mM Mg(NO3)2 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Si], mM 
0.00 9.35 0.000 1.0000 4.286 0.078 
1.00 9.56 -0.476 0.9524 3.578 0.065 
2.00 9.67 -0.909 0.9091 3.224 0.053 
3.00 9.78 -1.304 0.8696 3.152 0.046 
4.00 9.86 -1.667 0.8333 2.823 0.040 
5.00 9.91 -2.000 0.8000 2.529 0.034 
6.00 9.96 -2.308 0.7692 2.286 0.030 
7.00 10.03 -2.593 0.7407 2.044 0.026 
8.00 10.11 -2.857 0.7143 1.801 0.023 
9.00 10.12 -3.103 0.6897 1.524 0.020 
10.00 10.20 -3.333 0.6667 1.342 0.018 
15.00 10.40 -4.286 0.5714 0.633 0.019 
20.00 10.60 -5.000 0.5000 0.177 0.032 
25.00 10.89 -5.556 0.4444 0.035 0.065 

 
 
 
 
 
 
 
 
 
 



Titration, SQ-B-10-Ca-I 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 20.00 ml; 
background electrolyte: 0.097 M NaNO3 + 1.0 mM Ca(NO3)2 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Ca2+], mM [Si], mM 
0.00 9.67 0.000 1.0000 0.770 0.606 0.100 
1.00 9.87 -0.463 0.9524 0.588 0.449 0.083 
2.00 10.05 -0.885 0.9091 0.400 0.374 0.078 
3.00 10.20 -1.269 0.8696 0.274 0.323 0.076 
5.00 10.52 -1.946 0.8000 0.101 0.200 0.083 
7.00 10.77 -2.523 0.7407 0.038 0.162 0.099 
9.00 10.93 -3.020 0.6897 0.021 0.140 0.116 
10.00 10.99 -3.243 0.6667 0.016 0.135 0.121 
15.00 11.20 -4.170 0.5714 0.007 0.120 0.141 
20.00 11.32 -4.865 0.5000 0.005 0.115 0.149 
25.00 11.40 -5.406 0.4444 0.004 0.110 0.140 

 
 
Titration, SQ-B-10-Ca-II 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 20.00 ml; 
background electrolyte: 0.094 M NaNO3 + 2.0 mM Ca(NO3)2 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Ca2+], mM [Si], mM 
0.00 9.63 0.000 1.0000 0.893 1.148 0.091 
1.00 9.83 -0.463 0.9524 0.717 1.003 0.077 
2.00 9.98 -0.885 0.9091 0.508 0.906 0.069 
3.00 10.15 -1.269 0.8696 0.343 0.848 0.064 
5.00 10.39 -1.946 0.8000 0.146 0.620 0.067 
7.00 10.66 -2.523 0.7407 0.054 0.489 0.077 
9.00 10.82 -3.020 0.6897 0.027 0.368 0.090 
10.00 10.96 -3.243 0.6667 0.020 0.343 0.095 
15.00 11.19 -4.170 0.5714 0.009 0.260 0.116 
20.00 11.32 -4.865 0.5000 0.007 0.230 0.126 
25.00 11.40 -5.406 0.4444 0.004 0.210 0.131 

 
 
Titration, SQ-B-10-Ca-III 
Initial powder concentration = 25.0 g/L; initial surface area = 9.41 m2 g-1; starting volume = 20.00 ml; 
background electrolyte: 0.088 M NaNO3 + 4.0 mM Ca(NO3)2 

NaOH added, ml pH H, (mol dm-3, 103) Dilution factor [Mg2+], mM [Ca2+], mM [Si], mM 
0.00 9.50 0.000 1.0000 1.040 2.695 0.093 
1.00 9.76 -0.463 0.9524 0.781 2.340 0.071 
2.00 9.84 -0.885 0.9091 0.588 2.113 0.065 
3.00 10.00 -1.269 0.8696 0.440 2.126 0.059 
5.00 10.35 -1.946 0.8000 0.193 1.617 0.057 
7.00 10.59 -2.523 0.7407 0.086 1.407 0.063 
9.00 10.82 -3.020 0.6897 0.040 1.285 0.072 
15.00 11.16 -4.170 0.5714 0.011 0.998 0.093 
20.00 11.30 -4.865 0.5000 0.006 0.838 0.102 
25.00 11.37 -5.406 0.4444 0.004 0.788 0.109 
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a b s t r a c t

The surface acid/base properties of magnetite (Fe3O4) particles and the sorption of Mg2+ onto magnetite
and maghemite (c-Fe2O3) have been studied using high precision potentiometric titrations, batch exper-
iments, and zeta potential measurements. The acid/base properties of magnetite were found to be very
similar to maghemite except for the difference in surface site density, Ns (sites nm�2), 1.50 ± 0.08 for mag-
netite, and 0.99 ± 0.05 for maghemite. The experimental proton exchange of the magnetite surface
increased from pH 10 and above, indicating dissolution/transformation reactions of magnetite at alkaline
conditions. Thus, magnetite with its Fe(II) content proved to be less stable toward dissolution in compar-
ison with pure Fe(III) oxides also at high pH values.
Three different ratios between surface sites and added Mg2+ were used in the sorption experiments viz.

0.5, 1, and 2 Mg2+ site�1. Surface complexation modeling of the Mg2+ sorption onto maghemite and mag-
netite was restricted to pH conditions where the interference from Mg(OH)2(s) precipitation could be
ruled out. The model calculations showed that Mg2+ sorb onto the magnetite and maghemite surfaces
as a mixture of mono- or bidentate surface complexes at 0.5 Mg2+ site�1 and as monodentate complexes
at 1 and 2 Mg2+ site�1 conditions. Mg2+ was also found to adsorb more readily at the maghemite surfaces
in comparison with magnetite surfaces. For experiments with excess Mg2+ relative to the number of sur-
face sites, the calculations suggested the formation of polynuclear surface complexes on maghemite.

� 2012 Elsevier Inc. All rights reserved.

1. Introduction

In the mineral processing industry, all employed flotation de-
vices generate air bubbles (coarse to micro-sized), which adhere
to ore particles or to the gangue minerals, that is, reverse flota-
tion. In reverse flotation, the gangue minerals are floated and re-
moved from the flotation pulp, preferably without negatively
affecting the surface properties of the ore particles. The process
water usually contains high concentrations of ions as well as
unreacted and degraded collector molecules, all with the poten-
tial to modify the surface chemistry of the valuable mineral par-
ticles. It is usually therefore a great challenge to optimize the
recovery and selectivity of the flotation process. The importance
of process water composition and possible negative effects upon
the mineral flotation efficiency with increased recycling of pro-
cess water has been pointed out in several papers [1–3]. Changes
in both the inorganic and organic composition of the process
water will alter the chemistry of the flotation system and may
cause operational problems. Thus, it is important to increase
the knowledge and establish a better understanding of these dif-

ferent interactions that may take place between the species
in the process water and the surfaces of the processed
minerals.

Magnetite (Fe3O4) is the second most important mineral ore
after hematite for steel production. Its exothermally oxidation to
hematite also makes it beneficial for the production of iron pellets.
After mining, the ore is crushed and ground to appropriate particle
size. The crushed ore is then upgraded to a magnetite concentrate
by separating the magnetite particles from the gangue mineral. For
example, magnetite containing the phosphorous-rich gangue min-
eral apatite is treated with reverse flotation in order to remove the
apatite from the magnetite pulp. Apart from the anionic flotation
reagent, soluble sodium silicate (water glass) is added to the flota-
tion cell to act as a dispersant and also as depressant by minimiz-
ing the adsorption of the collector molecules onto the magnetite
particles. The resultant magnetite concentrate may then be further
processed and upgraded to iron ore pellets, which have suitable
characteristics for the blast furnace and steel production. After
agglomeration of the magnetite concentrate together with binder
and mineral additives, the wet pellets (green pellets) are oxidized
and sintered into the final product. During the flotation and the
agglomeration process, the surfaces of the magnetite particles
may be partly or fully transformed into maghemite by oxidation
[10,11].
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Dissolution and leaching reactions of the gangue minerals and
mineral additives, such as olivine and dolomite, adds significant
concentrations of inorganic species to the process water, such as
Ca2+ and Mg2+. All these different species in the process water,
added, dissolved or leached, may adsorb onto the magnetite sur-
faces to some extent. The adsorption of soluble silicate onto
maghemite and magnetite and the resulting effect on the surface
sites has been studied earlier by both spectroscopy and acid/base
titration [4–6]. However, adsorption of cationic species from the
process water may potentially increase the adsorption of collector
molecules on the magnetite surfaces. The flotation process is per-
formed at pH 8.5–9.5 and it is expected that these iron oxides will
have a negative surface charge at this pH. This negative surface
charge could facilitate the adsorption of cationic species such as
Mg2+ and Ca2+. The surface charge of the magnetite particles after
cationic adsorption will be shifted toward less negative values,
which could increase the adsorption of the anionic collector mole-
cules. This might be detrimental in the subsequent pelletizing pro-
cess of the magnetite concentrate by decreasing the wetting
properties of the particles, implying lower pellet strength [7].

Magnetite particles from a pelletizing plant have been studied
and it was shown that both Mg2+ and Ca2+ tend to adsorb at the
magnetite particles [8]. The study also indicated that Mg2+ may
have a stronger and preferential interaction with the magnetite
surfaces in comparison with Ca2+. The importance of Ca2+ and its
effect on collector adsorption at magnetite surfaces has been
examined by Potapova et al. [9] using in situ ATR-FTIR spectros-
copy. Since Mg2+ from the process water has been pointed out to
preferentially adsorb onto magnetite particles, it is of great interest
to clarify its role as a surface modifying agent.

The aim of this work was therefore to investigate the Mg2+

adsorption onto maghemite and magnetite surfaces. The protolyt-
ic- and magnesium ion sorption reactions of magnetite and maghe-
mite at alkaline conditions were studied (by potentiometric
titrations, batch sorption experiments, and zeta potential measure-
ments). The reactions were evaluated and described as surface
complexation reactions. Model calculations were performed based
on the proton exchange data, using the constant capacitance model
(CCM). The CCM was chosen since the composition of the process
water implies a high ionic strength composition.

2. Materials and methods

All solutions used in the experiments were produced from de-
gassed MilliQ water and with NaNO3 added to a total ionic strength
of 0.100 mol dm�3. Acid (0.0100 mol dm�3 HNO3) and alkali
(0.0100 mol dm�3 NaOH) were prepared from titrisols (Merck)
and standardized using primary standards. KHP was used for the
alkali and TRIS for the acid. A solution of Mg(NO3)2 was used for
magnesium additions. All chemicals used in the experiments were
of p.a. quality.

2.1. Synthetic maghemite and magnetite samples

The maghemite particles used in the experiments were pre-
pared as previously described by Jarlbring et al. [12]. In brief, the
synthesis of maghemite was performed as follows: A solution of
Fe3+ and Fe2+ of stoichiometric composition was prepared and then
added drop by drop to a 1 mol dm�3 NH3 solution. The black pre-
cipitate formed and then was washed repeatedly by decantation
with degassed MilliQ water. The precipitate was then transferred
to a dialysis tube for the final deionization of the suspension. The
purified suspension was dried, and the synthetic particles were lib-
erated by grinding in an agate mortar. The particles then were oxi-
dized at 260 �C.

The magnetite particles were synthesized using the same meth-
odology but leaving out the oxidation procedure. The magnetite
powder was stored in an oxygen free environment in order to min-
imize the possibility of oxidation of the magnetite nanoparticles.
The specific surface area of the synthesized particles was deter-
mined using the BET, N2 adsorption method to 86.3 ± 0.2 m2 g�1

for maghemite and 91.0 ± 0.3 m2 g�1 for magnetite.

2.2. Titrations

Acids (0.0100 mol dm�3 HNO3) and alkali (0.0100 mol dm�3

NaOH) used in the titrations were prepared as described above.
As a final check, the acid was titrated with the base. The pH elec-
trodes were calibrated using a concentration scale by the method
proposed by Baucke et al., [13,14]: The potential of at least five
points with well-defined [H+] and the total ionic strength
0.100 mol dm�3 were measured and a calibration curve was
constructed.

The titration experiments were carried out using a 12.5 g dm�3

iron oxide suspension (approximately 1100 m2 dm�3): 0.500 g iron
oxide was added to 40.00 cm3, 0.100 mol dm�3 NaNO3 background
electrolyte. A continuous flow of argon gas ensured a CO2 free envi-
ronment during the experiment, and the argon gas was humidified
by passing the gas through 10% solutions of NaOH and H2SO4, mil-
liQ water and finally 0.100 mol dm�3 NaNO3. The titration equip-
ment was controlled by a computer, recording the amount of
added titrant, pH, and the drift of pH with predetermined time
interval. Titrant was added to the vessel when the preset equilib-
rium condition for the suspension was fulfilled. The equilibrium
condition for the titrations was defined as follows: Equilibrium of
the suspension was attained when the drift of pH was lower than
0.60 mV h�1 (
0.01 pH unit h�1). A typical time to attain equilib-
rium for the surface reactions and thus the time between the addi-
tions of titrant ranged from 2 to 8 h.

Stirring of the mineral suspension was provided by a three
bladed Teflon propeller. The Mg2+ was added using a Mg(NO3)2
solution, three different ratios between surface sites and magne-
sium ions were studied, 2:1 (0.5 Mg site�1), 1:1 (1 Mg site�1) and
1:2 (2 Mg site�1). Samples withdrawn from the mineral suspen-
sions during the titrations were treated and analyzed as described
below.

2.2.1. Batch experiments
The batch experiments were carried out in 15 and 50 cm3 poly-

ethylene (PE) centrifuge tubes. The amount of iron oxide,
12.5 g dm�3 (�1100 m2 dm�3) in the batch experiments was the
same as used in the titration experiments. The maghemite suspen-
sions were equilibrated at pH 
 2.8 by addition of HNO3 and mag-
netite was equilibrated at immersion pH. The maghemite and
magnetite samples were then mixed for 20 h using a tube rotator.
This was followed by addition of Mg2+ and pH adjustment to de-
sired pH using NaOH, and the samples were then equilibrated for
another 20 h. Humidified argon gas was blown into the tubes be-
fore sealing them with a cap in order to minimize CO2

contamination.

2.2.2. Mg2+ analysis
All samples withdrawn from the suspensions for analysis were

centrifuged and filtered using 0.20 lm PTFE syringe filters. Atomic
Adsorption Spectroscopy (AAS) was used for Mg2+ analysis after
calibration with an external standard. The uncertainty of the mea-
sured Mg2+ concentrations was typically ±10�6 M.

2.2.3. Zeta potential measurements
The zeta potential measurements of the samples were done

using a ZetaCompact instrument, (Cad Instrumentation, France)
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equipped with video and image analysis system (software, Zeta4).
The Smoluchowski equation was used to evaluate the accumulated
electrophoretic mobility data. Mineral suspensions with different
ratios between surface sites and added Mg ion, 0.5, 1 and
2 Mg2+ site�1, viz. were examined. The error in the measured zeta
potential values was typically ±2.5 mV, except for values close to
the pHiep of the particles, where the error increased further.

3. Results and discussion

All titration data were modeled and evaluated with help of
FITEQL 4.0. As previously mentioned, the constant capacitance
model (CCM) was used in the modeling and the fit of the models
were optimized with respect to the accumulated proton/hydroxide
exchange data. The optimal fit to data was determined by minimiz-
ing the overall variance, Vy, calculated from the weighted sum of
squares of residuals divided by the degrees of freedom, (SOS/DF).
Visual MINTEQ was used in additional calculations in order to
determine pH constraints for the possibility of Mg(OH)2(s) precip-
itation and to model the hydrolysis of Fe2+ and Mg2+.

3.1. Protolytic characteristics

3.1.1. The Fe3O4–H
+ system

Equilibration of the synthesized magnetite in NaNO3 as back-
ground electrolyte resulted in an immersion pH, pHimm of
6.6 ± 0.1. The pHimm of the magnetite suspension from these exper-
iments was located in the middle of the range of previously re-
ported pHpzc values for magnetite, 6.3–7.1 [15–19]. Difficulties in
obtaining a homogeneous suspension at pHimm due to the minimal
electrostatic repulsion were another significant indication of being
close to pHpzc and essentially uncharged particles. It was therefore
necessary to provide vigorous stirring in order to counteract aggre-
gation of the particles. Insufficient stirring of the suspension at
pHimm and the subsequent titration points resulted in longer equil-
ibration times and lower consumption of titrant, probably due to
decreased availability of active surface sites within the aggregates
formed. Sonication prior to titration was also tested and proved
effective for decreasing the aggregation of the particles in the mag-
netite suspension. The problem with aggregation diminished with
increasing pH due to increased negative charge and repulsion be-
tween the particles in the suspension. The time required to achieve
equilibrium pH before addition of new titrant also decreased with
increasing pH.

The surface site density of magnetite was determined using the
same Gran plot methodology as used when studying the surface
reactions for systems such as, maghemite [6], hematite [12], fluor-
apatite [20], and illite [21]. The volume of titrant, Veq, consumed by
the active surface sites was determined by the Gran plot method
[22], resulting in the concentration of surface sites, S0,
2.68 ± 0.16 mM, of the magnetite suspension at the start of the
titrations. With help of the determined S0 value, the surface site
density of the magnetite was determined to,
Ns = 1.50 ± 0.08 sites nm�2 by Eq. (1). The Ns value for magnetite
established in this study is consistent with values reported for
other iron oxides, goethite, 1.68 [23], lepidocrocite, 1.67 [24], fer-
rihydrite, 1.97 [25] and maghemite, 0.99 ± 0.05 sites nm�2 [6]. All
values were determined by potentiometric titrations

Ns ¼ ðS0 � NAÞ=ðSA � Cs � 1018Þ ð1Þ
Some previous studies of magnetite have suggested that the

number of proton active surface sites is 2.5–3 times larger than
the mentioned iron oxides, approximately 5 sites nm�2 [26,27].
This rather high value of active surface sites of magnetite has been
questioned by Tombácz et al. [28]. The result from their study indi-

cated that the number surface sites of magnetite is somewhere be-
tween 1 and 2 sites nm�2. The experimental studies of magnetite
by Tamura et al. and Sun et al., [26,27] involved acidic treatment
of the magnetite during the determination of active surface sites.
Ion exchange between protons and Fe(II) in the magnetite struc-
ture may be a plausible explanation for the larger surface site den-
sity value obtained from experiments including acidic pH. The
consumption of H+ during the ion exchange might then incorrectly
have been interpreted as surface sites, which results in an overes-
timation of the active surface site density. In this study, no acid has
been added in the titration experiments and therefore the risk of
error caused by ion exchange between Fe(II) and H+ should be
minimized.

3.1.2. Modeling of the Fe3O4–H
+ system

The proton exchange reactions of magnetite surfaces within pH
6.5 to 11.2 have been studied through potentiometric titrations.
The proton exchange reactions of magnetite and its reactive sur-
face sites were formulated as follows:

BFeOHþ
2 $ BFeOH� þHþ ð2Þ

BFeOH� $ BFeO� þHþ ð3Þ
Titration data from three distinct experiments are presented in

Fig. 1, showing the proton/hydroxide exchange curve of magnetite
as a function of pH and the fit of the proposed model. H is the bal-
ance of the total added proton/hydroxide ion concentrations, that
is, the negative values of H in this paper are interpreted as the total
concentrations of added hydroxide ions. The titration of maghe-
mite was carried out in the pH range; 2.8 < pH < 11.1. The titration
data presented in Fig. 1 illustrate the difference in proton adsorp-
tion capacity between maghemite and magnetite, due to the differ-
ences in surface site density. The two iron oxide suspensions have
approximately the same total surface area (�1100 m2 dm�3), thus
the titration data for the two iron oxides are comparable with re-
spect to the number of available surface sites. The increased
hydroxide consumption for magnetite illustrates that magnetite
has a larger surface site density than maghemite.

The intrinsic equilibrium constants for the Fe3O4–H+ system are
presented in Table 1, together with intrinsic equilibrium constants
for the c-Fe2O3–H+ system [6]. It is evident from Table 1 that the
intrinsic equilibrium constants of magnetite and maghemite are
relatively similar; however, the maghemite surfaces are somewhat
more acidic in the alkaline region, as seen in Fig. 1.

When examining the fit between experimental data and the
model in Fig. 1, it is evident that a small discrepancy starts to ap-
pear at pH � 10.2. This may be due to some magnetite dissolution/
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Fig. 1. Experimental results, from NaOH titrations of magnetite suspensions, (s)
and the calculated CCM shown as a solid line. Titration data for the maghemite–H+

system (�) from Ref. [6] and obtained at identical conditions (12.5 g maghe-
mite dm�3) are shown for comparison.
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transformation reactions or possibly the formation of secondary
reactive surface sites. To further evaluate and analyze the titration
data, the number of exchanged protons per surface site was plotted
as a function of pH (Fig. 2). The number of exchanged protons per
surface site, DH+/site, is defined as follows:

DHþ=site ¼ ðH� ½Hþ� þ ½OH��Þ=S ð4Þ

H is the balance of the total added proton/hydroxide ion concentra-
tions, and S is the total concentration of active surface sites in the
mineral suspension. Negative values of DH+/site should be inter-
preted as the number of hydroxide ions adsorbed or, alternatively,
protons released per surface site.

Fig. 2 clearly illustrates that the exchange of protons per surface
site increases rapidly at pH 10.8 and above. Dissolution and recon-
structive transformation of magnetite at alkaline conditions has
been reported by He and Traina [29]. They showed that magnetite
particles treated with dilute NaOH solution to some extent was
transformed to maghemite and suggested the following transfor-
mation reaction:

Fe3O4ðsÞ þ OH� þH2O $ c� Fe2O3�Hþ þ FeðOHÞ�3 ð5Þ
This is also consistent with previous findings that magnetite in

comparison with pure Fe(III)-oxides usually is more prone to disso-
lution because of its Fe(II) content [30]. The dissolution/transfor-
mation reaction of magnetite (5) may therefore be the most
likely reason for the observed consumption of hydroxide ions
above pH 10.8. Published data for Fe(II) hydrolysis [31] also show
that FeðOHÞ�3 becomes significant at pH > 10 and the dominating
aqueous complex from pHP 10.8. Thus, the dissolution/transfor-
mation reactions and subsequent release of Fe(II) from the magne-
tite surface structure at this pH will in that case be facilitated by
the Fe(II) hydrolysis. This further supports the hypothesis that
the rate of dissolution/transformation of magnetite rapidly in-
creases at pH 10.8 and above.

Another possibility for the discrepancy between the proposed
model and the experimental data in Fig. 1 could be that the reac-
tive surface sites of magnetite consist of two different active sur-

face sites. In the literature, there are examples of models that use
two or more reactive surface sites in order to achieve a fit or im-
prove the fit between experimental data and the model. Since mag-
netite contains both Fe(II and III), it would be reasonable to test the
hypothesis that the model should contain two types of surface
sites, „FeIIOH and „FeIIIOH. Modeling with two different types
of reactive surface sites was therefore tested. The concentration
of the two hypothetical surface sites, „FeIIOH and „FeIIIOH, was
also estimated using FITEQL. This approach was not successful in
improving the fit to the experimental data, and there were also dif-
ficulties to achieve convergence. This suggests that the dissolution/
transformation (5) of the magnetite surfaces is the most plausible
explanation in comparison with secondary reactive surface sites.

It should also be pointed out that even though its simple design
and few adjustable parameters, the CCM do provide a good fit to
the experimental data for the Fe3O4–H+ system.

3.2. Magnesium adsorption

3.2.1. Maghemite particles
The titration procedure of the c-Fe2O3–H+ system has been dis-

cussed earlier [6]. After addition of acid to pH � 2.8, the Mg2+ solu-
tion was added to the maghemite suspension. The initial
concentrations of Mg2+ were 0.65, 1.30, and 2.60 mM for the three
different ratios 0.5, 1.0, and 2.0 Mg2+ sites�1. Modeling of Mg2+

adsorption was restrained to a pH range where the introduction
of errors in the proton exchange model due to a possible bulk pre-
cipitation of Mg(OH)2(s) could be excluded. These upper pH con-
straints were determined by calculations using Visual MINTEQ
and assuming that no adsorption of Mg2+ onto the maghemite sur-
face would take place (logKs = 17.09 [31]). The hydrolysis of Mg2+

to MgOH+ (logK = �11.69 [31]) was also considered. Calculations
showed that depending on Mg2+ concentration up to 5% of the
Mg2+ was hydrolyzed, forming MgOH+, before precipitation of
Mg(OH)2(s) occur.

Fig. 3 illustrates the number of protons exchanged per surface
site, for the three magnesium ratios studied. The release of protons
increases with increasing amount of Mg2+ added and pH, which re-
sults in 2.0 H+ released site�1, at a surface site:Mg ratio of 2:1
(0.5 Mg site-1), 2.5 H+ released site�1, at a ratio of 1:1
(1.0 Mg site�1), and > 2.5 H+ released, at a ratio of 1:2
(2.0 Mg site�1). Proton exchange reactions describing Mg2+ adsorp-
tion at reactive surface sites of maghemite were formulated and
evaluated by model calculations. Both mono- and bidentate reac-
tions were included (6)–(11). A model with exclusively bidentate
surface reactions (6)–(8) will only be able to release 2 H+ site�1,

Table 1
Intrinsic equilibrium constants of the Fe3O4–H+ and c-Fe2O3–H+ system.

Surface species H+ logbs(int.),
Fe3O4

logbs(int.),
c-Fe2O3

BFeOHþ
2 +1 5.19 ± 0.02 5.39 ± 0.01

„FeO� �1 �7.82 ± 0.01 �7.51 ± 0.01
Surface site density (sites nm�2) 1.50 ± 0.08 0.99 ± 0.05
Optimized specific capacitance (F m�2) 2.10 2.40
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Fig. 2. The number of protons exchanged per surface site calculated from titration
data according to Eq. (4), plotted versus pH. The figure shows three different Fe3O4–
H+ titrations using 12.5 g dm�3 of the mineral.
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Fig. 3. Proton exchange per active surface site, DH+/site, of the c-Fe2O3–Mg2+

system as a function of pH. The surface site/Mg ratios were 2:1 (D), 1:1 (s), and 1:2
(h). The calculated model for the different ratios is shown as a solid line. The
aqueous suspension contained 12.5 g dm�3 of the mineral.
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while a model with monodentate surface reactions (9)–(11) may
explain the release of protons up to 3 H+ site�1

2BFeOHþMg2þ $ ðBFeOÞ2Mgþ 2Hþ ð6Þ

2BFeOHþMg2þ þH2O $ ðBFeOÞ2MgOH� þ 3Hþ ð7Þ

2BFeOHþMg2þ þ 2H2O $ ðBFeOÞ2MgðOHÞ2�2 þ 4Hþ ð8Þ

BFeOHþMg2þ $ BFeOMgþ þHþ ð9Þ

BFeOHþMg2þ þH2O $ BFeOMgOHþ 2Hþ ð10Þ

BFeOHþMg2þ þ 2H2O $ BFeOMgðOHÞ�2 þ 3Hþ ð11Þ
As a first step, the data from the three different ratios were

modeled separately using the monodentate surface reactions,
(9)–(11). The modeling results were then evaluated and compared.
The ratios of surface sites:Mg, 1:1 and 1:2 resulted in very similar
values of the intrinsic equilibrium constants while the 2:1 ratio di-
verged. In an attempt to resolve this discrepancy, bidentate surface
reactions (6)–(8) were included in the model. Adding the bidentate
surface reactions (7) and (8) improved the fit of the model for the
ratio 2:1. However, bidentate complexes did not improve the mod-
el for the ratios 1:1 and 1:2 and was not used for these two ratios
in the future modeling process. These results clearly indicated that
ratios with <1 Mg2+ site�1 in the suspension leads to a mixture of
mono-and bidentate surface complexes. The amount of monoden-
tate surface complexes increased with increasing amount of Mg2+

in suspension. In the next step, the ratios 1:1 and 1:2 were mod-
eled simultaneously, using the monodentate surface reactions
(9)–(11). While the ratio 1:1 showed a good fit between model
and experimental proton data throughout the pH range, the ratio
with excess of Mg2+ showed a small divergence for pH above 9.5.
Experimental proton exchange data for the 1:2 ratio (2 Mg2+ site�1)
indicated that more OH� is consumed than what the suggested
model predicted. For pH above 9.5, the model suggests that
BFeOMgðOHÞ�2 surface complexes exist in substantial amounts,
Fig. 4. These negatively charged surface complexes
BFeOMgðOHÞ�2 can be thought of as a potential surface site for fur-
ther Mg2+ adsorption. A second Mg2+ ion in the suspension may
then bind to the surface site according to reaction (12) and subse-
quently be hydrolyzed in a similar manner as in reactions (10) and
(11).

BFeOMgðOHÞ�2 þMg2þ þH2O

$ BFeOMgOMgðOHÞ�2 þ 2Hþ ð12Þ

The formation of the polynuclear surface species in reaction
(12) was included in the model calculations. This resulted in a sig-
nificant improvement of the fit of the model to the experimental
proton exchange data for the ratio with excess Mg2+

(2 Mg2+ site�1). The values of the intrinsic equilibrium constants
of reactions (9)–(11) did not change significantly with the intro-
duction of reaction (12), this may be interpreted as that the poly-
nuclear complex will essentially improve the fit of the model
only for the lowest DH+/site values.

At even higher Mg2+ to surface ratios, it is possible that more
complex polynuclear surface complexes may form as a precursor
for surface precipitation. The transition from surface complexes
and polynuclear surface species to surface precipitate has been dis-
cussed earlier, for example, by Farley et al. [32] and Stumm [16].
The effect of increasing adsorbate concentration and surface pre-
cipitation has also been discussed by Charlet and Manceau
[25,33]. The different surface complexes and their intrinsic equilib-
rium constants for the final model of the c-Fe2O3–Mg2+ system are
listed in Table 2. The calculated speciation curve for the c-Fe2O3–
Mg2+ system, 2 Mg2+ site�1, Fig. 4 shows also the readily adsorption
of Mg2+ for the c-Fe2O3–Mg2+ system, more than 90% of the surface
sites are covered at pH 9.

Batch experiments were conducted for the c-Fe2O3–Mg2+ sys-
tem in order to validate the model proposed in Table 2, derived
exclusively from proton exchange data. The adsorption data for
Mg2+ from these batch experiments are presented in Fig. 5 along
with the Mg2+ concentrations calculated with the proposed model.
The resulting fit between experimental and modeled Mg2+ data is
essentially good, but there are some discrepancies at high pH
and low Mg2+ loading (ratio 2:1). One reason for this might origi-
nate from the differences in experimental conditions between con-
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Table 2
Intrinsic equilibrium constants of proposed surface complexation model for the c-
Fe2O3–Mg2+ system, C = 2.4 F m�2.

Surface species „FeOHs H+ Mg2+ logbs(int.)

„FeOMg+ 1 �1 1 �3.95 ± 0.01
„FeOMgOH 1 �2 1 �12.57 ± 0.01
BFeOMgðOHÞ�2 1 �3 1 �22.69 ± 0.03
(„FeO)2MgOH�a 2 �3 1 �20.27 ± 0.03

ðBFeOÞ2MgðOHÞ2�2 a 2 �4 1 �28.76 ± 0.02

BFeOMgOMgðOHÞ�2 b 1 �5 2 �39.48 ± 0.04

a For modeling the ratio 0.5 Mg2+ site�1.
b For modeling the ratios 1 and 2 Mg2+ site�1.
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Fig. 5. Adsorption of Mg2+ in 12.5 g dm�3 maghemite suspension for the three
different ratios between surface sites and Mg2+ ions, 2:1 (D), 1:1 (s) and 1:2 (h).
The starting concentration of Mg2+ for the three ratios at pH 2.8 was 0.65, 1.30, and
2.60 mM, respectively. Predicted Mg2+ concentration in the suspension calculated
using the model proposed in Table 2, based on proton exchange data, is shown as
solid lines.
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tinuous potentiometric titrations and batch adsorption experi-
ments. Even though careful precautions were made in order to
achieve similar conditions in the batch experiments as in the con-
tinuous titrations, the uncertainty, especially of the pH values, will
always be higher. This since they are not possible to perform under
the same strict conditions as the continuous titrations. The dis-
crepancy between model prediction and experimental Mg2+ con-
centration shown in Fig. 5 should also be related to the amount
of surface sites in the suspension. When relating the discrepancy
between the model based on proton exchange data and data based
on batch experiments at pH 9.4 as an example, it becomes evident
that the difference in Mg2+ concentrations is less than 3% of the
concentration of surface sites in the suspension. This is a rather
small deviation considering the uncertainty in the surface site den-
sity (
5%). It implies that the model predicts 99% of the Mg2+ to be
adsorbed at pH 9.4 while the corresponding figure for batch data is
93%.

The zeta potential for maghemite particles both in the presence
and in the absence of magnesium ions was determined, and the re-
sults are shown in Fig. 6. As could be expected, the zeta potential of
the maghemite particles with adsorbed Mg2+ was less negative in
comparison with maghemite particles without adsorbed Mg2+ for
pH values above pHiep (6.7). The difference in zeta potential be-
tween the three different Mg2+ ratios was however negligible. This
implies that it is sufficient with small amounts of adsorbed Mg2+ to
significantly alter the zeta potential of the particles and further in-
creased amount of adsorbate then only have a small impact on the
zeta potential, probably as an effect of interactions with the anions,
(NO�

3 ). Also shown in Fig. 6 is the calculated surface potential,
which shows a clear correlation with the obtained zeta potential.

3.2.2. Magnetite particles
Magnesium ions in the Fe3O4–Mg2+ system were added at

immersion pH, pHimm = 6.6 ± 0.1. The initial concentration of
Mg2+ was 1.40, 2.80, and 5.60 mM for the three different ratios
0.5, 1.0, and 2.0 Mg2+ site�1. The titration experiments with mag-
nesium ions added to the magnetite suspension did not display
the same aggregation and stirring problems at pHimm as for the
Fe3O4–H+ system. Added magnesium ions adsorb most likely at
the magnetite surfaces already at pHimm, increasing their positive
charge and thereby also the repulsion and separation of the parti-
cles. A small decrease in pH was also observed during the addition
of Mg2+ ions to the equilibrated suspension, thereby clearly indi-
cating that protons are released and adsorption of Mg2+ occurs al-
ready at pHimm. The same three concentration ratios (Mg2+:site) as
in the maghemite experiments, namely 2:1, 1:1, and 1:2 were
studied also in this system. The modeling of Mg2+ adsorption was
restrained to pH < 10.2, in order to be able to neglect any potential

precipitation of Mg(OH)2(s) in the calculations. This pH constraint
was determined in the same way as for the maghemite–Mg2+ sys-
tem as described earlier. The hydrolysis of Mg2+ was calculated in
the same way as for the c-Fe2O3–Mg2+ system, described earlier.
Fig. 7 shows that the proton exchange for the three ratios are very
similar in the range 7 < pH < 9.5. Above pH 9.5, the proton ex-
change data for the three ratios starts to differ due to the varying
concentrations of available magnesium ions, adsorbing to the min-
eral surfaces. Thus, increasing the loading of Mg2+ on the magnetite
surfaces resulted in a more extensive surface hydrolysis thereby
lowering the pH of the solution.

The evaluation and modeling of the titration data for the Fe3O4–
Mg2+ system were performed in a similar way as for the c-Fe2O3–
Mg2+ system. Also in this case, the model was based solely on pro-
ton exchange data. As previously discussed in the c-Fe2O3–Mg2+

section, it is assumed that the Mg2+ may adsorb either as mono-
and/or bidentate surface complexes. Titration data from experi-
ments with the ratios [„FeOH]:[Mg2+] 1:1 and 1:2, respectively,
were successfully described by a model using the monodentate
surface reactions (9)–(11). As for maghemite, it was necessary to
extend the model and include bidentate surface complexes in or-
der to achieve a satisfactory fit to the titration data for the 2:1 ra-
tio, [„FeOH]:[Mg2+]. Previously suggested bidentate surface
reactions, (6)–(8), were all tested in the model calculations. The
introduction of bidentate reaction (7) improved the fit of the model
significantly for the ratio 2:1, while the addition of bidentate reac-
tions (6) and (8) not improved the fit of the model in the pH range
studied and thus they were not included in the final model. Neither
was it necessary to include any polynuclear complexes in the mod-

-30

-20

-10

0

10

20

30

3 4 5 6 7 8 9 10

pH

Ze
ta

 p
ot

en
tia

l, 
m

V

-0.080

-0.040

0.000

0.040

0.080

C
al

cu
la

te
d 

su
rf

ac
e 

po
te

nt
ia

l, 
V

Fig. 6. Zeta potential of maghemite particles in the presence of Mg2+, the surface
site:Mg2+ ratios were 2:1 (D), 1:1 (s), and 1:2 (h). Maghemite without added Mg2+

was denoted (�). Calculated surface potential for the maghemite particles using the
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el. This is probably due to Mg2+ and its weaker interaction with
magnetite in comparison with maghemite. As Fig. 8 shows, one
fourth of magnetite’s active surface sites are still unoccupied by
Mg2+ at pH 10 and 2 Mg2+ site�1. This can be compared with the
100% coverage of the maghemite surface sites at pH 10 (Fig. 4).
The intrinsic equilibrium constants corresponding to the best fit
of the suggested model (CCM) are presented in Table 3.

The Mg2+ adsorption data predicted by the proposed model for
the magnetite–Mg2+ system are shown in Fig. 9, together with the
results from Mg2+ analysis for samples taken during the titrations
or from batch experiments. As can be seen in the figure, the model
shows a good predictability of the experimentally obtained magne-
sium adsorption data.

Fig. 10 shows the pH dependence of the zeta potential for two
different Mg2+:site concentration ratios. No pronounced depen-
dence of the concentration ratios was found. This is in accordance

with the calculated surface potential for the two ratios, which also
shows small differences with pH (only the ratio 1:1 is shown in the
figure). The surface potential predicted by the model and the mea-
sured zeta potentials also showed a similar correlation for the
magnetite system as for the maghemite system (Fig. 6).

4. Conclusions

Evaluation of the Fe3O4–H+ titration data showed that dissolu-
tion/transformation reactions of magnetite are likely to influence
the proton exchange reactions from pH above approximately
10.2, coinciding with the formation of the aqueous complex
FeðOHÞ�3 . The site density of magnetite (1.50 ± 0.08 sites nm�2)
was found to be within the range of other previously studied iron
oxides or iron oxyhydroxides. The protolytic behavior of the mag-
netite surfaces was successfully modeled using the CCM. The calcu-
lations showed that a model consisting of one type of surface sites,
„FeOH, implied the best fit to the experimental data. The protolyt-
ic intrinsic equilibrium constants of magnetite and maghemite
were also very similar. This suggests that similar surface sites are
active in both these oxides, which may be the result of the similar
structural arrangement in maghemite and magnetite. Since mag-
netite contains both Fe(II) and Fe(III), it may then be argued that
the active proton/hydroxide exchange sites on magnetite mainly
are of Fe(III) type, giving similar acid/base characteristics as for
maghemite.

Model calculations using proton exchange data acquired
through potentiometric titrations in the presence of Mg2+ were
essentially able to predict the Mg2+ adsorption at the mineral sur-
faces studied, though some slightly deviations at high pH and low
magnesium concentrations for the maghemite system could be
seen. The modeling also suggested that Mg2+ adsorbs as both
mono- and bidentate surface complexes when the concentration
of Mg2+ was less than half the concentration of surface sites
(0.5 Mg2+ site�1), but solely as monodentate at higher ratios
(1 and 2 Mg2+ site�1). This emphasizes the importance of studying
different ratios between surface sites and adsorbate since the frac-
tion of mono- or bidentate adsorption clearly depends on the sur-
face loading. The magnesium ions showed a higher affinity for
maghemite in comparison with magnetite, this in contrast to the
about 50% higher surface site density found for magnetite. For
example, modeling of 1 Mg2+ site�1 and pH 9.7 showed that
�90% of the Mg2+ had adsorbed onto the maghemite surfaces in
comparison with �50% for magnetite. This indicates that a poten-
tial oxidation of magnetite particle surfaces to maghemite may re-
sult in increased adsorption of Mg2+.

The results from titrations with maghemite and 2 Mg2+ site�1

indicated incipient precursors of surface precipitation at pH > 9.5
via the polynuclear surface complex, BFeOMgOMgðOHÞ�2 . The
introduction of this polynuclear surface complex significantly im-
proved the fit of the model. This finding emphasizes the impor-
tance of considering the formation of polynuclear surface
complexes, which then may form as potential precursors for sur-
face precipitation at even higher pH and concentrations of the cat-
ion studied. The zeta potential of the iron oxide particles was
affected already for the lowest fraction of Mg2+ studied, that is,
0.5 Mg site�1. Increased amounts of Mg2+ (up to 1 and 2 Mg site�1)
in the suspensions were not found to change the zeta potential of
the particles.
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Table 3
Intrinsic equilibrium constants of the proposed surface complexation model for the
Fe3O4–Mg2+ system, C = 2.1 F m�2.

Surface species „FeOHs H+ Mg2+ log bs(int.)

„FeOMg+ 1 �1 1 �5.85 ± 0.01
„FeOMgOH 1 �2 1 �15.70 ± 0.04
BFeOMgðOHÞ�2 1 �3 1 �24.96 ± 0.02
(„FeO)2MgOH�a 2 �3 1 �23.78 ± 0.03

a For modeling the ratio 0.5 Mg2+ site�1.
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Abstract 

In this work, the competition between adsorbed magnesium, calcium, silicate, and 

carbonate ions for adsorption on magnetite was studied by zeta potential experiments, 

contact angle measurements, and in situ ATR-FTIR spectroscopy. The surface area of the 

magnetite particles and there particle size distribution was determined using BET and 

Dynamic Light Scattering (DLS). Zeta potential measurements in the pH range 4.2-11.5 

was used to study the effect of the adsorbing ions on the surface charge of the magnetite 

particles, whereas ATR-FTIR spectroscopy was used to study their effect on surfactant 

and silicate adsorption at pH of 9 and 7. Magnesium ions proved to adsorb more readily 

than calcium ions at pH 9. Thus, magnesium ions adsorbed onto the magnetite surface 

would possibly reduce the adsorption of the calcium specific surfactant. This was also 

confirmed by the results from both in situ ATR-FTIR and contact angle experiments. The 

stronger affinity of magnesium ions for the magnetite surface was especially evident at 

high ionic strength (0.100 M). An increased ionic strength and increased concentration of 

cations influenced the zeta potential in opposite directions. Infrared spectra of a model 

collector adsorbed onto the iron oxide surface pretreated with an aqueous solution 

containing magnesium chloride, calcium chloride, sodium carbonate, and soluble silicate 

showed very good agreement with contact angle measurements.    

 

Keywords: Magnetite particles; Inorganic ions; Adsorption; ATR-FTIR; zeta potential; 

contact angle; 
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1. Introduction 

Mineral flotation requires large amounts of water and environmental considerations are 

now forcing the mineral processing industry to consider its use of process water. Water 

represents 80-85 % of the volume of the mineral pulp [LEV 2001]. Increased recycling of 

the process water without introducing negative effects on the recovery and quality of the 

upgraded iron ore concentrate has therefore become desirable. However, accumulation of 

inorganic and organic species in the recycled process water may result in increased 

adsorption of surfactants onto the mineral surfaces  

Separation of magnetite ore from the phosphorus containing mineral apatite is sometimes 

necessary when upgrading iron ore concentrate destined for steel production. Reverse 

flotation is a common operation to achieve the separation, anionic surfactant (collector) 

and soluble silicate (dispersant and depressant) are added to the flotation pulp where 

apatite is removed by froth flotation. In this operation, surfactant contamination of the 

magnetite surface is highly undesirable because it seriously affects the strength of the 

green pellets [FOR 2008], and must therefore be kept at a minimum. However, 

adsorption of divalent ions such as Ca2+ from the process water onto magnetite works in 

the opposite direction by facilitating collector adsorption [POT 2010]. The competition 

between calcium ions and other available ions in the process water, such as magnesium, 

for the magnetite particle surfaces is therefore an interesting issue. 

The effect of recycling on the composition of the process water has been studied [RAO 

1989, WES 2011], and it was shown that the concentration of e.g. calcium and 

magnesium ions increased. This increase may in turn result in precipitates and/or 

extended surface coverage of collector molecules and humic substances that may alter the 
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surface properties of the valuable ore particles. Adsorption of organic species onto the 

iron oxide will make it more hydrophobic and this is tenably facilitated by cation 

adsorption. High concentration of calcium ions in the process water combined with 

alkaline pH implies that calcium may start to adsorb and/or precipitate together with 

carbonate or the collector onto the surfaces of the magnetite particles. Adsorption of 

collector molecules has been proven to decrease the productivity in the agglomeration 

step where green pellets are formed, due to formation of air bubbles [FOR 2008] and 

decreased wettability [POT 2011], implying lower pellet strength and consequently a 

lower production due to crushed pellets. Minimization of surfactant adsorption at 

magnetite surfaces is therefore a prioritized issue.  

It is therefore of great interest to examine e.g. the influence of other ions such as Mg2+ on 

the already known unfavorable effect of calcium ions. Magnesium was selected because 

it has the same valence electron configuration as calcium, but a higher charge per unit 

volume. The solubility product with carbonate is slightly higher.  

At the pH value of the process water (pH 9), the surface of the magnetite particles are 

negatively charged and therefore only weak interaction between anions and the magnetite 

surface may be expected. However, the high ionic strength of the process water implies 

that the solubility of various species such as calcium carbonate is higher than it is in pure 

water, due to lower ion activity coefficients. An increased amount of adsorbed divalent 

cations may facilitate the presence of divalent anions such as sulphate and carbonate on 

the magnetite surface. Since the solubility product for calcium and magnesium sulphate is 

much higher than the solubility product for the corresponding carbonate species, 

carbonate was selected as an interesting candidate that might take part in the studied 
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surface reactions with magnetite particles. In the flotation process, sodium silicate (water 

glass) is added both as a dispersant and to protect the magnetite surfaces from collector 

adsorption. Carbonate and silicate ions were both included in this work to examine their 

influence on the competition between calcium and magnesium ions for the iron oxide 

surface sites, and the possible effect of the latter ion on the adsorption of the model 

collector at process pH (  9). In addition, the experiments were performed at two 

different ionic strengths, both below and above the calculated ionic strength of the 

process water used at the flotation plant (~0.04 M). In situ Attenuated Total Reflectance 

Fourier Transform Infrared (ATR-FTIR) spectroscopy, zeta potential and contact angle 

measurements were used to elucidate the effect of the interaction between the various 

dissolved components and the surface of the magnetite particles. 

 

2. Materials and methods 

All chemicals used in the experiments viz. NaOH, HNO3, HCl, NaNO3, NaCl, Mg(NO3)2, 

MgCl2, Ca(NO3)2, CaCl2, Na2CO3, Na2SiO3 and for the preparation of magnetite particles 

viz. FeCl2, FeCl3 and NH3, were of pro analysi quality. All aqueous solutions used were 

prepared from degassed MilliQ water. Degassing was performed by using vacuum to 

remove dissolved gases viz. CO2 and O2. Dodecyloxyethoxyethoxyethoxyethyl maleate 

(Sigma-Aldrich) was used as model collector in the experiments. Figure 1 illustrates the 

chemical structure of the model collector used. 
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Figure 1. Chemical structure of the dodecyloxyethoxyethoxyethoxyethyl maleate, where 

R = CH3(CH2)11. 

 

2.1 Preparation of magnetite particles 

Nano-sized magnetite (Fe3O4) particles were synthesized by the same method as 

described earlier [JOL 2012]. In brief, a 2:1 stoichiometric iron(III and II) chloride 

solution was added dropwise, approximately one drop every third second, to a 1.0 M 

NH4OH solution. A black precipitate was immediately formed. Continuous stirring was 

applied in order to keep the suspension homogenized during the precipitation. The 

magnetite particles were washed repeatedly with degassed MilliQ water. Subsequently, 

the magnetite suspension was transferred to a dialysis tube for further purification. The 

dialysis tube was submerged in degassed MilliQ water, which was replaced at regular 

intervals until the conductivity of the MilliQ water remained <1.6 μS cm-1. Argon gas 

was continuously bubbled into the MilliQ water in order to minimize dissolved O2(g) and 

CO2(g). The BET surface of the as synthesized particles was measured by N2(g) 

adsorption to be 91 m2/g. 
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2.2 Particle size distribution 

The size distribution of the synthesized magnetite particles was determined using a 

Malvern Zetasizer (Nano series Nano-ZS). The samples were ultrasonicated before 

measurement in order to disrupt agglomerates and provide separation of the agglomerated 

particles. The pH value of the suspensions was adjusted with solutions of hydrochloric 

acid and sodium hydroxide. The amount of magnetite was 0.1 mg ml-1 in order to get an 

acceptable concentration of particles for the size distribution measurements. All samples 

were equilibrated at a temperature of 25°C before being analyzed. 

 

2.3 Zeta potential measurements 

The zeta potential measurements were performed using a Malvern Zetasizer (Nano series 

Nano-ZS). The electrophoretic mobility data of the Fe3O4 particles were evaluated by 

applying the Smoluchowski equation. Mg(NO3)2, Ca(NO3)2, Na2CO3, and Na2SiO3 were 

used to vary the composition of the aqueous solutions. The compositions of the solutions 

used are summarized in Table 1. The ionic strength of the Fe3O4 suspensions was 

obtained by addition of NaNO3. Magnetite crystals (0.50 g dm-3) were the last component 

added before the zeta potential measurements. The pH of the suspensions was adjusted 

with aqueous HNO3 and NaOH solutions to the desired values within the pH range 4.2-

11.5. 

The samples Zeta 9 and 10 were conditioned in a slightly different way implying that the 

magnetite particles were first conditioned with either Mg2+ or Ca2+ at predetermined pH. 

Then Ca2+ or Mg2+ was added and the suspension equilibrated again before analysis. The 

conditioning time of the samples was at least 15 minutes.  
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Table 1. Compositions of the aqueous solutions used in the zeta potential experiments. 

Mg(NO3)2, Ca(NO3)2, NaCO3, Na2SiO3 and NaNO3 were added in order to obtain the 

desired composition of the solution. 

Sample Mg2+, mM Ca2+, mM CO3
2-, mM Si(OH)4, mM I, Ionic strength, M 

Zeta 1 1.5 ----------- ----------- ----------- 0.0045 

Zeta 2 0.375 ----------- ----------- ----------- 0.100 

Zeta 3 1.5 ----------- ----------- ----------- 0.100 

Zeta 4 ----------- 4.0 ----------- ----------- 0.012 

Zeta 5 ----------- 4.0 ----------- ----------- 0.100 

Zeta 6 1.5 4.0 ----------- ----------- 0.100 

Zeta 7 1.5 ----------- 0.4 ----------- 0.100 

Zeta 8 1.5 ----------- 0.4 0.4 0.100 

Zeta 9a 1.5 4.0 ----------- ----------- 0.100 

Zeta 10b 1.5 4.0 ----------- ----------- 0.100 

a Conditioned first with Mg2+ and then with Ca2+ 

b Conditioned first with Ca2+ and then with Mg2+ 

 

The addition of 0.4 mM Na2CO3 and 0.4 mM Na2SiO3 raises the pH of the samples (Zeta 

7 and 8) to alkaline values (pH  10), which means that Mg(OH)2(s) may start to 

precipitate. Special precautions were therefore taken in the preparation of these samples. 

The samples were prepared as follows: after addition of Na2CO3 and Na2SiO3 the pH of 

the sample was adjusted to a value between 7 and 8; then Mg(NO3)2 was added and the 
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zeta potential measured for samples with pH > 7. When all the high pH samples were 

done, the pH was adjusted with HNO3 and then the samples with pH < 7 were analyzed. 

The zeta potential value presented for each sample was the calculated average obtained 

from ten replicate analyses. 

 

2.4 Magnetite film preparation 

A diluted aqueous suspension of magnetite particles, ~0.15 mg ml-1 were evenly 

deposited on one side of the ATR crystal. The water of the suspension then was 

evaporated under vacuum in a dessicator. A suspension volume of 2.0–3.0 ml was 

sufficient to obtain a smooth and evenly distributed magnetite film as judged by visual 

inspection. The mass of the dried deposited film was weighed before the ATR 

experiments and the weight ranged between 0.25 and 0.45 mg. The mass of the film was 

thus well in accordance with what could be expected.  

 

2.5 In situ ATR-FTIR spectroscopy 

Spectral data were acquired using a Bruker Vertex 80v FT-IR spectrometer equipped 

with a liquid nitrogen cooled Mercury-Cadmium-Telluride (MCT) detector. The zinc 

selenide (ZnSe) ATR crystal (Crystan Ltd) coated with a film of magnetite particles were 

mounted in a single chamber flow-through cell. This arrangement allows one to 

continuously pump the aqueous solution through the cell and in situ study the adsorption 

reactions taking place. The aqueous solutions were recirculated with an average rate of 

~5.4 ml min-1. The internal reflection element (ZnSe) had a trapezoidal-shaped geometry 
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with 45° cut edges and the dimension 50 × 20 × 2 mm. The incidence angle of the 

infrared beam was set to 45°. Both single beam background (magnetite film + water) and 

single beam sample spectra were recorded by averaging 256 scans at a resolution of 4 

cm-1. All spectral data evaluations were performed using the OPUS program from Bruker 

Optics. 

The magnetite film deposited on the ATR crystal was conditioned for one hour with each 

one of the different aqueous solutions and a spectrum was recorded every third minute. 

The ionic strength of the solutions was adjusted to 0.010 or 0.100 M by addition of NaCl. 

The ATR experiments were carried out at pH, 7.0 and 9.0. The pH value of the solutions 

was controlled by the aid of a pH-stat (Mettler Toledo T70). In experiments where 4.0 

mM Ca2+ and 1.5 mM Mg2+ were competing for the magnetite surface (Zeta 9 and 10 in 

Table 1), two different ionic strengths were used viz. 0.100 M and 0.019 M, in order to 

study possible outer sphere adsorption [STU 1992]. 

 

2.6 Contact angle measurements 

Contact angle measurements were performed using a Fibro 1121/1122 DAT-Dynamic 

Absorption and Contact Angle Tester equipped with a CCD camera. The contact angle 

was measured by applying a 4.0 μL drop of MilliQ water onto the pretreated and 

conditioned magnetite film already used in the in situ ATR-FTIR experiments. The film 

was carefully rinsed with MilliQ water in order to remove any excess ions in order to 

prevent formation of precipitates on the film during to the subsequent drying. The ATR 

crystal with the rinsed magnetite film was then dried in a desiccator under vacuum. The 
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contact angle for at least five different locations on the prepared film was analyzed and 

an average of those measurements was calculated. 

 

3. Results and Discussion 

3.1 Particle size distribution 

The particle size distribution of the magnetite particles was measured both after washing 

by decantation and after dialysis purification. Samples analyzed after washing by 

decantation showed that the magnetite particles were agglomerated to a large extent. The 

average particle size of the washed magnetite particles was 1712 nm. Ultrasonication of 

the sample decreased the average size to 273 nm. This implies that the agglomerates 

initially formed could be disrupted by ultrasonication. The pH of the magnetite 

suspension is an important parameter. In the absence of adsorbates it determines the 

surface charge of the magnetite particles. In the suspension with washed particles pH was 

~7, which is close to the pHpzc of magnetite (6.3-7.1) [STU 1992], [MAR 1999], [REG 

1983], [TEW 1972], [FUJ 1967]. The repulsion between the magnetite particles was 

therefore expected to be small facilitating particle agglomeration to a larger extent than in 

an acidic or alkaline environment.  

Figure 2 shows the effect of sonication time on the particle size distribution for dialyzed 

magnetite particles in aqueous medium at pH 10.  Before ultrasonication of the particles, 

the size distribution was quite narrow with a maximum intensity close to 500 nm. After 

65 minutes of sonication, the maximum intensity of the particle size distribution was 

lowered to about 140 nm. 
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Figure 2. The measured intensity from magnetite particles as a function of particle size. 

The dialyzed magnetite suspension was ultrasonicated during 25 – 65 minutes at pH of 10. 

 

3.2 Zeta potential measurements 

The results from the zeta potential measurements presented in Figures 3 – 6, illustrates 

the influence of the studied adsorbates viz., Mg2+, Ca2+, carbonate and silicate ions on the 

zeta potential. Magnetite particles equilibrated in 0.100 M aqueous NaNO3 solution 

resulted in a zeta potential close to zero at pH 6.7-7.2. The zeta potential values vs. pH of 

the magnetite particles in 0.100 M NaNO3 were also compared with corresponding values 

obtained using 0.01 M aqueous NaCl as ionic medium [POT 2011]. The zeta potential 

curve for the two sets of data was almost identical, indicating that alterations of the ionic 

strength within the range 0.010–0.100 M results in only insignificant changes of the zeta 

potential provided the anion has an insignificant effect, (Fig. 3). 
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Figure 3. The influence of Ca2+ and ionic strength on the zeta potential of magnetite 

particles is shown, as a function of pH. Experimental points are interconnected as a guide 

for the eye. 

 

3.2.1 Influence of Ca2+ 

The shape of the zeta potential vs. pH curves at I = 0.012 M and I = 0.100 M was rather 

similar for suspensions containing Ca2+ (Fig. 3). However, the change of the zeta 

potential with the ionic strength was very clear. The zeta potential measured for samples 

at an ionic strength of 0.100 M showed typically between 15 mV and 20 mV more 

negative values up to pH 11. At pH < 8, the zeta potential vs. pH curve measured with 

Ca2+ added (I = 0.100 M) appeared at even lower zeta potential than the two curves 

representing magnetite particles in aqueous NaNO3 and NaCl solutions indicating that the 

anions affect the measured zeta potential. However, at higher pH (pH > 8), the shape for 
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the curves in the presence of Ca2+ starts to diverge from those with no Ca2+ added. For 

the lower ionic strength (0.012 M), the magnetite particles in the suspension did not reach 

the point of zero charge until pH > 11. The divergence of the two sets of curves at pH > 8 

is most probably caused by increased Ca2+ adsorption.  

In a study by Rahnemaie et al. on inner- and outer-sphere complexation of ions at the 

goethite aqueous solution interphase, it was suggested that a low pH (< 8) was more 

favorable for outer-sphere formation [RAH 2006]. Accordingly, at pH > 8 the Ca2+ ions 

here may start to adsorb more as inner-sphere complexes interacting with  FeO- sites on 

the magnetite surfaces and thereby influence the surface charge of the particles.  

Co-adsorption of Cl- and Ba2+ at hematite surfaces has been reported [POC 2002] and the 

authors suggested that a similar behavior could be expected for Ca2+ and NO3
-. Therefore, 

modeling of the possible formation of CaNO3
+ complexes in aqueous solution were 

performed using Visual MINTEQ [GUS 2010]. The results from this modeling showed 

that approximately 10 % of the calcium ions form CaNO3
+ complexes at 0.100 M and pH 

4–12. Thus, it is tempting to suggest that the combination of calcium with nitrate may 

result in co-adsorption of Ca2+ and NO3
- possibly forming neural Fe-O-Ca+NO3

- entities 

responsible for the lowering of the zeta potential of the magnetite particles when the ionic 

strength was increased. However, it is also well-known that a strong dependence on ionic 

strength is typical for an outer-sphere complex. In this case the lowering of the zeta 

potential at I = 0.100 M could be due to the competition between hydrated calcium ions 

in outer-sphere position and monovalent ions in the ionic medium.  

It is not until very alkaline pH conditions (pH > 11), the zeta potential of the curves 

representing 4.0 mM Ca(NO3)2 (I = 0.012 M) and 4.0 mM Ca(NO3)2 with I =  0.100 M, 
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starts to decrease (Fig. 3). The latter decrease in the zeta potential indicates that the 

hydrolysis of adsorbed Ca2+ and its effect on the surface charge is appearing only at very 

alkaline conditions. The increased hydrolysis of the adsorbed Ca2+ implies that the 

surface complexes formed because of co-adsorption of Ca2+ and NO3
- are at least partly 

replaced by surface complexes formed in hydrolysis reactions according to the Equations 

(2) and (3). Suggested hydrolysis and surface reactions of adsorbed Ca2+ are formulated 

as follows: 

FeOH + Ca2+  FeOCa+ + H+     (1) 

FeOH + Ca2+ + H2O  FeOCaOH  + 2H+   (2) 

FeOH + Ca2+ + 2H2O  FeOCa(OH)2
- + 3H+   (3) 

Assuming total surface coverage of adsorbed Ca2+, the zeta potential results for 4.0 mM 

Ca(NO3)2 in the absence of NaNO3 indicates that at pH >11.4, [ FeOCa(OH)2
-] > 

[ FeOCa+], thereby rendering the magnetite particles their negative surface charge.  

 

3.2.2 Influence of Mg2+ 

It was shown in previous work [JOL 2012] that adsorption of Mg2+ onto magnetite starts 

at pH ~7 and then increases with increasing pH (I = 0.100 M). Thus, the adsorption of the 

magnesium ions will raise the zeta potential of the magnetite particles above pH 7. In 

order to obtain information concerning the concentration and ionic strength dependence, 

the zeta potential was measured at two different Mg2+ concentrations and different ionic 
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strength viz. 0.375 mM (I = 0.100 M) and 1.5 mM (I = 0.100 M and I = 0.045 M). The 

measured zeta potential vs. pH is shown in Figure 4.  

Addition of 1.5 mM Mg2+ (I = 0.100 M) to the magnetite suspension had little effect on 

the zeta potential of the magnetite particles at pH < 8 as compared with solely 0.100 M 

aqueous NaNO3 as medium. At pH values between 8 and 9.5, the zeta potential was 

almost constant (  -5 mV). However, at pH > 9.5 the 1.5 mM Mg2+ solution was 

oversaturated with respect to Mg(OH)2(s), and precipitation was expected [BAE 1986]. A 

distinct shift towards more positive values is evident at pH 9.5-10.5 (Fig. 4) and occurred 

simultaneously as the expected precipitation. It was also noticed that the increase of the 

zeta potential in this pH range occurred irrespective of the ionic strength being 0.100 M 

or 0.045 M. Brucite particles, Mg(OH)2(s) have pHIEP  11.0 [POK 2004]. These authors 

studied brucite dissolution and precipitation in aqueous solution including surface 

speciation. According to their data, the zeta potential of the brucite particles was almost 

constant (+  25 mV) in the pH range 9.5 to 10.5, due to the surface complex MgOH2
+, 

but decreases to zero at a pH of about 11. The increase of the zeta potential between pH 

9.5 and 10.5 in this study therefore strongly indicate the presence of MgOH2
+ complexes 

on the surface of precipitated brucite. The increase of pH to 11 resulted in a zeta potential 

close to zero, in accordance with the isoelectric point of brucite, where the concentration 

of MgO- and MgOH2
+ complexes is equal and the MgOHo complex dominates [POK 

2004]. At still higher pH, the zeta potential decreased to negative values, which should be 

due to increased formation of MgO- complexes.  

In order to diminish the impact of precipitated brucite, experiments with less Mg2+ viz. 

0.375 mM was carried out. Decreasing the concentration of free Mg2+ in the magnetite 



 - 16 - 

suspension from 1.5 to 0.375 mM (I = 0.100 M) resulted in a more negative zeta potential 

between pH 6 and pH 11, as compared with the higher Mg2+ concentration (Fig 4). This 

result implies that there is a correlation between the zeta potential and the amount of 

available adsorbate, viz. Mg2+. The adsorption of Mg2+ increases with increased Mg2+ 

concentration resulting in an increased positive charge at the shear plane of the magnetite 

particles.  

As previously discussed, aqueous solutions of NaNO3 indicated to affect the zeta 

potential in systems involving Ca2+ ions. The nitrate ions could have a similar effect on 

the zeta potential of the Mg2+ systems. The shape of the zeta potential vs. pH curves of 

magnetite particles in 1.5 mM aqueous Mg(NO3)2 without adding NaNO3 (I = 0.0045 M) 

and with addition of NaNO3 (I = 0.100 M) were rather similar except that the curve 

representing the higher ionic strength was displaced about 8 mV to lower potential (Fig. 

4). Interaction between NO3
- and adsorbed Mg2+ could be the cause of this change. The 

larger concentration of NO3
- at 0.100 M ionic strength would facilitate this interaction 

implying more negative zeta potential for the magnetite particles. Increased ionic strength 

results in decreased thickness of the surrounding double layer from 45 Å (I = 0.0045M) 

to 9.5 Å (I = 0.100 M), according to the Debye-Hückel theory. This could also change the 

position of the shear plane outside the magnetite particles where the zeta potential is 

measured. 
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Figure 4. The influence of adsorbed Mg2+ on the zeta potential of the magnetite particles 

as function of pH. The ionic strength was adjusted using aqueous NaNO3. Experimental 

points are interconnected as a guide for the eye. 

 

3.2.3 Competitive adsorption of Mg2+ and Ca2+ 

The competitive adsorption of Mg2+ and Ca2+ onto the magnetite particles was examined 

in three ways (Fig. 5). First of all the zeta potential vs. pH of magnetite particles was 

measured after first equilibrating the suspension with a 1.5 mM aqueous Mg(NO3)2 

solution and then 4.0 mM Ca(NO3)2 was added and the resulting solution equilibrated 

again (I = 0.100 M). Then the experiment was reversed (first Ca2+ and then Mg2+). The 

equilibration time were 60 minutes. In a third experiment, the zeta potential vs. pH for 

magnetite particles equilibrated with a solution containing both Ca2+ and Mg2+ ions from 

the beginning (same concentrations and ionic strength as above) was studied. 
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In the pH range 8 – 10, there is a clear difference between the zeta potential curves 

obtained by equilibrating the magnetite suspension with Mg2+ and the one first 

equilibrated with aqueous Mg2+ and then adding Ca(NO3)2 (Fig. 5). In this pH range the 

calcium ions contributed to a higher zeta potential by about 10 mV. This increase in the 

potential seems to be induced by Ca2+. However, magnetite equilibrated with a 4.0 mM 

aqueous Ca(NO3)2 solution at the same ionic strength resulted in much more negatively 

charged magnetite particles (Fig. 5). The explanation to this behavior is still an open 

question and was left for future studies. At lower and higher pH, the two curves almost 

coincide. 

According to Figure 5 there is strong similarity between the zeta potential curves where 

the magnetite suspension was equilibrated with aqueous Ca2+ and the one first 

equilibrated with Ca2+ and then with Mg2+. These findings indicate that the kinetics of 

displacing Ca2+ by Mg2+ or vice versa is very slow.  

Equilibration with both Mg2+ and Ca2+ simultaneously resulted in almost the same zeta 

potential vs. pH curve as when the magnetite suspension was first equilibrated with Mg2+ 

and then with Ca2+ (except at very alkaline pH). This strongly indicates that Mg2+ adsorbs 

more readily than Ca2+ onto the magnetite surface.  
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Figure 5. The zeta potential vs. pH for magnetite particles first equilibrated with a 4.0 

mM Ca(NO3)2 solution and then adding 1.5 mM Mg(NO3)2 and vice versa. In addition, 

the zeta potential vs. pH for a system where both Ca2+ and Mg2+ are equilibrated with 

magnetite particles simultaneously is shown.  

 

3.2.4 Influence of CO3
2- and Na2SiO3 

As shown in Figure 6, the zeta potential vs. pH of the magnetite particles change towards 

more negative values for pH < 8 upon adding CO3
2- to the aqueous magnetite-Mg2+ 

suspension. At pH values > 8 there were no significant differences in the zeta potential vs. 

pH between the magnetite-Mg2+ suspensions with and without CO3
2- ions. Addition of 

OH- will increase the negative surface charge of the magnetite and thereby increase the 

repulsion between CO3
2- species and surface sites and accordingly make the adsorption of 

CO3
2- ions unfavorable. The presence of magnesium ions (1.5 mM) followed by the 
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formation of Mg(OH)2(s) is probably the reason for the increase in the zeta potential at 

high pH values, as discussed above.  
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Figure 6. The influence of Mg2+, CO3
2-, and soluble silicate on the zeta potential of 

magnetite particles as function of pH. 

 

The zeta potential of the magnetite particles became even further negative for pH < 8 

when adding a third adsorbate, namely sodium metasilicate, Na2SiO3 (Fig. 6). This is also 

consistent with previously published data on silicate adsorption onto magnetite [POT 

2011]. Addition of 0.4 mM aqueous silicate to the 1.5 mM Mg2+ suspension resulted in 

~10 mV more negative zeta potential in the pH range 8–10 probably caused by 

substitution of silicate for carbonate. However, at still higher pH values, the zeta potential 

increased again most likely involving the formation of brucite. When reducing the 

concentration of aqueous Mg2+ from 1.5 to 0.375 mM it resulted in almost the same zeta 

potential for pH of 8 to 11 as for the sample containing all three surface affecting aqueous 
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components viz. 1.5 mM Mg2+, 0.4 mM CO3
2-, and 0.4 mM Na2SiO3, indicating that the 

concentration of Mg2+ is an important parameter.  

 

3.3 In situ ATR-FTIR spectroscopy 

The magnetite film deposited on the ZnSe ATR crystal was conditioned with milliQ 

water circulating through the flow cell used in the experiments. A single beam 

background spectrum of the milliQ water was recorded before the actual components of 

the solutions were added. The components below were used and added in the following 

sequence: 

1) 1.5 mM MgCl2 or 1.5 mM MgCl2 + 4.0 mM CaCl2 

2) 0.4 mM NaCO3 

3) 0.4 mM Na2SiO3 

4) 25 mg dm-3 of the model collector (the maleic acid ester) 

The ionic strength of all solutions was adjusted by additions of NaCl. This sequence 

implies that the same magnetite film could be used in several experiments ensuring that 

possible variations in the deposited magnetite film may be excluded. After the last 

addition of reactants and conditioning of the magnetite film, the film was rinsed using an 

aqueous NaCl solution with the same ionic strength (0.100 M). 

 

3.3.1 Influence of carbonate and soluble silicate 

Infrared spectra of carbonate species adsorbed from the Mg2+ and Mg2+ + Ca2+ solutions 

at pH 9 (both containing 0.4 mM Na2CO3) onto the magnetite surface are shown in 

Figure 7. The spectra of adsorbed carbonate exhibits a strong band with peak intensity at 
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1360 cm-1 assigned to symmetric stretching of CO3
2- and a second band at 1480 cm-1 with 

a shoulder at 1540 cm-1 due to its asymmetric stretching. The splitting of the second band 

implies that the carbonate ion interacts with Mg2+ and/or Ca2+ thereby lowering the D3h 

symmetry of the free anion. Figure 7 also shows a significant difference in absorption 

intensity of the carbonate ion depending on whether it interacts with Mg2+ or Ca2+. The 

addition of Ca2+ to the suspension significantly increases the intensity from adsorbed 

carbonate. The solubility product of MgCO3(s) and CaCO3(s) is rather similar, 10-7.8 and 

10-8.35, respectively. The almost three times higher concentration of Ca2+ combined with 

calcium carbonates lower solubility explains the increase of carbonates. Modeling 

potential carbonate precipitation using Visual MINTEQ supported that CaCO3(s) would 

be the only precipitate formed.  

A clear change in the recorded spectra (Fig. 7) appears in the spectral region around 1630 

cm-1, where the bending vibration of water absorbs strongly. A negative band in this 

region implies that the infrared beam penetrates through less water than it does in the 

single beam reference spectrum provided that the molar absorption coefficient of the 

probed water molecules is the same. Such negative bands imply that the surface has 

become less hydrophilic and is regularly encountered upon adsorbing hydrophobic 

molecules onto mineral surfaces. On the other hand, a positive absorbance from water 

implies that the beam penetrates through more water than in the reference spectrum. 

Because of the strong absorption from the water bending mode in this spectral region 

even a small change in the hydrophobicity of the mineral surface may give clear changes 

in the infrared spectrum provided no other absorption bands interfere. This was also 

evident at wavenumbers lower than 900 cm-1 (not shown). However, it should be noticed 
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that a thicker layer of adsorbed species would give a similar effect on the absorption, 

since the infrared evanescent field declines exponentially from the surface of the ATR 

crystal.  
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Figure 7. Infrared spectra of carbonate adsorbed from aqueous solutions onto magnetite 

at pH 9 and after 1 hour of contact between magnetite and solution. The concentration of 

Na2CO3 was 0.4 mM. 

 

In Figure 7, it is evident that the spectrum representing Mg2+ + Ca2+ at I = 0.019 M has a 

much lower absorbance from water than the spectrum recorded for a working solution 

containing Mg2+ + Ca2+ at I = 0.100 M. This implies that the surface of the magnetite film 

is less hydrophilic at the lower ionic strength. It is interesting to notice that the lower 

ionic strength of this system give rise to a higher potential at the shear plane where the 

zeta potential is measured, as indicated in Figures 3 and 4. Generally, in the 
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electrophoretic measurements, the zeta potential was always more positive at lower ionic 

strength. At the higher ionic strength (I = 0.100 M), the infrared spectrum even showed a 

positive absorbance at this wavenumber (~1630 cm-1), indicating an increased amount of 

water within the detection volume of the infrared beam.  

A positive absorbance from water is also recorded for the 1.5 mM aqueous Mg2+ system 

at I = 0.100 M (Fig. 7) although this absorption is shifted to higher wavenumber, close to 

the value recorded for the single beam reference spectrum. At the lower ionic strength (I 

= 0.010 M), the infrared absorption due to water seems to be close to identical with the 

water absorption in the reference beam.  

A change of pH to 7, resulted in similar spectral behavior as shown in Figure 7, except 

that the adsorption of CO3
2- was consistently lower at pH 7 (not shown) in comparison 

with the results obtained at pH 9. 

Adding soluble silicates to the aqueous system, 1.5 mM Mg2+ and 0.4 mM CO3
2- with I = 

0.100 M and pH 9, resulted in desorption of carbonate and adsorption of silicate as shown 

in Figure 8. After 1 h almost all carbonate was desorbed, while the typical infrared band 

due to adsorbed silicate in the spectral region 1200 – 900 cm-1 continued to increase in 

intensity. The peak of the adsorption band appearing at ~1013 cm-1 and the shoulder to 

the left of the peak intensity at ~1115 cm-1 imply the formation of oligomeric surface 

species and polymerization of the adsorbed silicate [YAN 2009]. 
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Figure 8. Infrared spectra showing desorption of the adsorbed carbonate by addition of 

0.4 mM Na2SiO3 at pH 9 and I = 0.100 M. The grey line shows the infrared spectrum 

after adsorption of Mg2+ and CO3
2- onto magnetite for 1 h. The black line shows the 

spectrum 1 h after addition of 0.4 mM Na2SiO3 to the working solution. 

 

The adsorption experiments with both Mg2+ and Ca2+ present showed a similar behavior, 

with the significant exception that not all carbonate were removed by the added silicate 

(Fig. 9). However, in the working solution containing Mg2+, Ca2+, and CO3
2-, the 

suspension is supersaturated with respect to calcium carbonate, [GUS 2010]. It is 

therefore reasonable to assume that surface precipitation of CaCO3 occurs to some extent. 

This surface precipitate was not removed by the adsorbing silicate. Figure 9 also shows 

that the amount of adsorbed silicate was higher when both Mg2+ and Ca2+ were present in 

the solution, in comparison with only Mg2+. Addition of Ca2+ therefore seemed to 

facilitate and increase the adsorption of silicate species onto the iron oxide surface. 
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Figure 9. Infrared spectra of carbonate adsorption and the effect upon addition of silicate 

at pH 9, 1.5 mM MgCl2, 4.0 mM CaCl2, 0.4 mM Na2CO3 and 0.4 mM Na2SiO3 were 

added to give the aqueous solutions its composition. Spectra are recorded 1 h after the 

addition of silicate. The ionic strengths are inserted in the figure. 

 

However, lowering of pH to 7 resulted in complete replacement of adsorbed CO3
2- by 

adsorbed silicate, both in experiments with Mg2+ and those with both Mg2+ and Ca2+. 

This result may be expected, since no precipitation of calcium carbonate should occur at 

the prevailing experimental conditions. Accordingly, soluble silicate was able to displace 

adsorbed CO3
2- but not precipitated calcium carbonate. 

 

3.3.2 Influence of Mg2+ and Ca2+ on collector adsorption 

The working solutions containing the cations, (1.5 mM MgCl2(aq) or 1.5 mM MgCl2(aq) 

+ 4.0 mM CaCl2(aq)) carbonate, (0.4 mM Na2CO3) and silicate (0.4 mM Na2SiO3) were 
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allowed to interact with the iron oxide surface for 1 hour before the collector was 

introduced to the system. The magnetite surface was then equilibrated for 1 hour. This 

experimental approach was chosen in an attempt to simulate the sequence in a flotation 

process where the collector is added after the pulp has been conditioned with water glass. 

The infrared band at 2854 cm-1 originating from methylene stretching vibrations was used 

to evaluate the influence of Mg2+ on the collector adsorption. The difference in 

absorbance of the (-CH2-) group before and after adding the collector to the working 

solution is shown in Figure 10, for the various systems investigated. In the following 

discussion, it is assumed that the absorbance of the methylene vibration is proportional to 

the amount of collector adsorbed onto the magnetite film. The absorbance was evaluated 

by drawing a horizontal baseline from 2820 cm-1 (no absorbance) to 2854 cm-1. 

Experiments at pH 9 without adding Ca2+ to the Mg2+ solution showed the smallest 

amount of adsorbed collector. This is reasonable since the collector is known to be 

calcium selective, the magnetite surface should also be negatively charged at this pH by 

the adsorption of silicate (Fig. 6). Adsorption of the anionic collector at the negative 

magnetite surfaces should therefore be constrained. Addition of Ca2+ to the Mg2+ solution 

resulted in only a small increase of adsorbed collector. Increased adsorption of silicate 

due to added Ca2+ could possibly explain this reduced amount of adsorbed collector. As 

discussed previously, additions of Ca2+ seem to increase the adsorption of silicate. The 

reduced amount of adsorbed collector could therefore be an effect of adsorbed silicate 

and its depressing properties on collector adsorption. 
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Figure 10. The absorbance of the symmetric methylene vibration vs. time is shown at 

different pH, ionic strength, and electrolyte concentration (legends in the figure). 0.4 mM 

Na2CO3 and 0.4 mM Na2SiO3 was added to all of the working solutions and NaCl was 

added to adjust the ionic strength.  

 

However, increasing the ionic strength of the Mg2+ + Ca2+ system from I = 0.019 M to I = 

0.100 M at pH 9 resulted in almost twice as high absorbance at 2854 cm-1. Such a large 

increase in absorbance was not expected, since the zeta potential of the magnetite surface 

should still be negative. This shows that the adsorption of the collector is not only 

affected by adsorbed ions but also sensitive to the ionic strength, i.e. to the Debye length 

of the diffuse double layer. In order to keep a high wetting ability of the magnetite 

surface, the ionic strength may therefore be a factor that has to be considered.  

At pH 7, the amount of adsorbed collector was considerably higher for both the Mg2+ and 

the Mg2+ + Ca2+ systems, in comparison to the amount adsorbed at pH 9. The increased 
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adsorption of the collector at pH 7 indicates that silicate becomes less efficient as 

depressant at lower pH. This result showed that adsorbed silicate is not very efficient as 

depressant at this low pH, which could be expected since the adsorption of silicate on 

iron oxides decreases at low pH [JOL 2010, YAN 2009 and references therein]. 

 

3.4 Contact angle measurements 

The contact angle of the ZnSe ATR crystal used as substrate for the magnetite film was 

determined to be approximately 84°. However, the magnetite film used was sufficiently 

thick to eliminate influence from the crystal surface on the contact angle values. The 

contact angles determined for the systems shown in Figure 10, are presented in Table 2. 

The influence of Mg2+ on the contact angle was clearly dependent on the pH of the 

working solution, when all other parameters were kept constant. At pH 7, the magnetite 

surface was considerably less hydrophilic than at pH 9 (64.5o and 24.8o, respectively). 

This finding was in accordance with the results from the in situ ATR-FTIR experiments 

(Fig. 10). The higher contact angle implies increased adsorption of collector at the 

surface. However, addition of Ca2+ at the same pH decreased the amount of adsorbed 

collector resulting in a contact angle of about 51o, showing that silicate adsorption is 

promoted by the presence Ca2+ in the working solution.  

 

Table 2. Contact angles of magnetite films deposited on the ZnSe ATR crystal and 

equilibrated with various aqueous media. The contact angles were determined after 1 

hour of collector adsorption. 
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Mg2+, mM Ca2+, mM pH Ionic strength, M Contact angle 

1.5  7.0 0.010 64.5 ± 0.5° 

1.5 4.0 7.0 0.019 51.0 ± 0.6° 

1.5  9.0 0.010 24.8 ± 2.4° 

1.5 4.0 9.0 0.019 31.6 ± 1.9° 

1.5  9.0 0.100 32.9 ± 3.8° 

1.5 4.0 9.0 0.100 37.1 ± 1.3° 

 

At pH 9 and no Ca2+ added, slightly more of the collector is adsorbed at the higher ionic 

strength (I = 0.100 M) compared with at the lower ionic strength (I = 0.010 M), according 

to the results from infrared spectroscopy shown in Figure 10. The measured contact angle 

indicates the same tendency (32.9 ± 3.8o and 24.8 ± 2.4o, respectively) implying that a 

larger amount of the collector was adsorbed at the higher ionic strength. However, at this 

ionic strength and the same concentration of Mg2+ (1.5 mM), the zeta potential of the 

magnetite particles was slightly negative (~ -12mV) as shown in Figure 6. This negative 

value would rather hamper the adsorption of the collector provided its carboxylate 

function affects the adsorption. It therefore seems that the van der Waals interaction 

between the collector and the modified magnetite surface is important, especially for the 

rate of collector adsorption (Fig. 10, Trace ×). Increased ionic strength reduces the 

thickness of the double layer (shorter Debye length), and this may facilitate the increased 

adsorption of collector molecules.  

When introducing Ca2+ to the working solution at pH 9 (I = 0.019 M), the contact angle 

was found to be about 20o lower compared to the same system at pH 7. This is in 
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accordance with the infrared results in Figure 10 and supports the suggestion that more 

silicate was adsorbed at the higher pH value. In this context it should also be mentioned 

that the adsorption of silicate is often found to have a maximum around pH 9, but 

decreases towards lower pH [HIE 2007, JOR 2007, JOL 2010]. Less silicate adsorbed 

should then facilitate the adsorption of the collector. 

In a previous study, a magnetite film conditioned in a similar manner as above, but 

without adding Mg2+ and CO3
2- gave rise to a contact angle of 44 ± 3°, [POT 2011]. In 

this study, the working solution containing both Ca2+ and CO3
2- in addition to Mg2+ and 

soluble silicate showed a contact angle of about 32o (Table 2). Previously (section 3.3.1), 

it was argued that adsorbed carbonate only has a minor contribution to the contact angle, 

since it is largely desorbed by the silicate. The higher contact angle obtained in the 

absence of Mg2+ was also expected, since adsorption of Ca2+ at the magnetite surfaces 

will facilitate further adsorption of the calcium specific collector molecule. Thus, it is 

suggested here that Mg2+ adsorbed onto the magnetite surface rather contributes to a 

lower contact angle. A preferential adsorption of Mg2+ over Ca2+ would therefore imply 

an increased wettability of the magnetite surface, which in turn is beneficial to the 

agglomeration of magnetite particles in aqueous media.  

 

4. Conclusions 

In this study, zeta potential and contact angle measurements were combined with in situ 

ATR-FTIR spectroscopy in order to elucidate possible changes in surface properties of 

magnetite particles exposed to Mg2+, Ca2+, CO3
2- and silicate ions simultaneously and 

individually at different pH and ionic strength. Furthermore, the magnetite surface 
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conditioned with all the components simultaneously was exposed to a model collector in 

order to study its adsorption onto the modified magnetite surface.  

It was shown that the ionic strength and the counter ion to Na+, being Cl- or NO3
-, had 

virtually no effect on the zeta potential of the magnetite particles. However, adding Ca2+ 

to the working solution resulted in an increased zeta potential especially at low ionic 

strength and nitrate indicated to be co-adsorbed with Ca2+ at high ionic strength (0.100 

M). The decrease of the zeta potential at more alkaline conditions indicates hydrolysis of 

the calcium ions. 

The effect of Mg2+ ions on the zeta potential of the magnetite particles was similar as for 

Ca2+, i.e. an increased concentration of the cation increased the zeta potential, although 

Mg2+ was more efficient than Ca2+ in this respect at higher ionic strength. In the pH range 

9.5 – 10.5, brucite was most likely formed, thereby contributing to an increased zeta 

potential. 

The competition between Mg2+ and Ca2+ for the magnetite surface, showed that Mg2+ had 

a stronger affinity for the iron oxide. It was also found that the displacement of already 

adsorbed calcium ions by magnesium ions was not notable within one hour of 

equilibration. 

Infrared spectra recorded at pH of 9 showed that carbonate is present at the magnetite 

surface irrespective of the divalent cation being magnesium or calcium. A stronger 

absorption from carbonate was found when calcium ions were present, due to precipitated 

calcium carbonate. Spectra also showed the influence of the added cations on the 

spectrum of water. At low ionic strength (0.019 M), fewer water molecules were adjacent 

to the magnetite film modified by MgCl2, CaCl2 and Na2CO3, whereas more molecules 
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were close to the film at higher ionic strength (I = 0.100 M) in comparison with the 

situation for a non-modified film. Silicate displaced CO3
2- adsorbed in the presence of 

Mg2+, but no significant displacing effect on calcium carbonate precipitated on the 

magnetite surface was found.  

The infrared spectra recorded on the collector adsorbed onto the magnetite film 

conditioned with aqueous magnesium chloride, calcium chloride, sodium carbonate, and 

sodium silicate was in excellent agreement with the determined contact angles. The 

contact angle measurements also indicated a protective effect of adsorbed Mg2+, by 

preventing adsorption of the collector. This may be advantageous in the agglomeration 

process, of iron ore pellets where high surface wettability is strived for.  
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