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Abstract 
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Dissolution of magnetite and hematite in acid mixtures 
Lappeenranta 2022 
58 pages 
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Diss. Lappeenranta-Lahti University of Technology LUT 
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As the quality of raw materials decreases and legislation tightens, interest in various 
alternative materials has grown. For example, raw materials often contain iron as an 
impurity, which must be removed before the actual material can be utilized. Dissolution 
is a good option because it can be selective and can be used even at room temperature and 
in a normal atmospheric pressure. The dissolution of iron oxides has been extensively 
studied in individual acid systems, but a full understanding of the prevailing phenomena 
has not yet been achieved. In addition, dissolution in acid mixtures is a less understood 
phenomenon, but a two-acid system may offer advantages over a single acid system. An 
in-depth understanding of dissolution mechanisms and kinetics provides tools for 
manipulating various dissolution-based, i.e. leaching, processes. 

The aim of this thesis was to investigate how the addition of oxalic acid to sulphuric or 
nitric acid affects the dissolution kinetics, mechanisms and thermodynamics of magnetite 
and hematite. The work is based on solubility and kinetic experiments in different acid 
systems. It was hypothesised that mixing oxalic acid with sulphuric or nitric acid could 
accelerate dissolution. Pure synthetic magnetite and hematite were selected for this thesis 
in order to study the dissolution of iron. Industrial minerals often contain other impurities 
that can compete with iron dissolution reactions, but these substances were excluded from 
this thesis. 

The results showed that even low amounts of oxalic acid in sulphuric or nitric acid and at 
a higher temperature accelerated the dissolution but did not automatically lead to a higher 
level of solubility. The effect of temperature and acid mixtures can be preliminarily 
studied with special cube models. The dissolution kinetics of magnetite and hematite 
followed the Kabai model well throughout the extent of the reaction. The solid specific 
constant a of the Kabai model varied, which was not similar to the finding Kabai made. 
Therefore, it is suggested that the variation was due to changes in the solid phase during 
dissolution and that the constant is not solid-specific but is a dissolution-related constant 
describing changes in the dissolution mechanism. 

The dissolution mechanisms of magnetite and hematite in oxalic acid included the 
adsorption of oxalate on a solid surface, the reduction of Fe(III) to Fe(II), and finally the 
liberation of Fe(II) into a solution, which catalysed the rate of dissolution. In pure 
sulphuric acid, sulphate and bisulphate accelerated the rate of dissolution, while in nitric 
acid systems the rate was slowest because the dissolution occurred via a slow protonation 



mechanism. Dissolution mechanisms were more complex in acid mixtures, as was 
evidenced by the need for a more complex statistical model to describe the dissolution 
system compared to individual acid systems. The formation of humboldtine, 
Fe(II)(C2O4)∙2H2O, took place in pure oxalic acid. Density functional theory calculations 
(DFT) showed that the adsorption of oxalate on the surface of hematite and the reduction 
of Fe(III) to Fe(II) were the key steps in the formation of humboldtine. This finding can 
help improve practical applications where solid precipitates can be a real problem. An 
addition of even low amounts of sulphuric and nitric acid is sufficient to inhibit the 
formation of humboldtine. Another way is to gradually add oxalic acid to the system or 
shift the reaction to form carbon dioxide. 

Neither the specific surface area of BET or the oxalate and nitrate concentrations do not 
correlate with the dissolution mechanisms. However, the pH of the solution described 
well the dissolution degree. In addition, DFT calculations combined with experimental 
results provided additional information needed to visualize and rationalize the reaction 
steps during dissolution. 

Keywords: magnetite, hematite, humboldtine, oxalic acid, sulphuric acid, nitric acid, 
dissolution mechanisms, dissolution kinetics, kinetic modelling, Kabai model
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Nomenclature 

Latin alphabet 

a constant in the Kabai model, - 
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Ea activation energy, J mol-1 

k reaction rate constant, s-1 
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n diffraction order, -  
NA Avogadro constant, mol-1 
p pressure, bar 
s slope of line, kg mol-1 
SSA specific surface area, m2 g-1 

Qg quantity of adsorbed nitrogen gas, mol kg-1 
T temperature, °C 
t time, s 
x dependent variable, - 
Y measured response, - 
Yint intercept, kg mol-1 

 

Greek alphabet 

α fraction of dissolved solid, - 
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βn slope of line, - 
 

Abbreviations 
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BET Brunauer-Emmet-Teller method 
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HNO3 nitric acid 
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1 Introduction 

Dissolution processes for the purpose of recovering metals have received a lot of attention 
due to the reduction in the number of high-quality mineral deposits and the tightening of 
legislation. From an economic and practical point of view, it is not reasonable to 
concentrate magnetite and hematite in hydrometallurgical processes but the keen interest 
lies in different purification techniques, where the other minerals and compounds are the 
main products and iron oxides are impurities. Very often clays contain hematite that 
reduces the whiteness of clay, and it should be removed before utilizing the clay as a raw 
material in porcelain production (Ambikadevi and Lalithambika, 2000; Huang et al., 
2013; Mandal and Banerjee, 2004; Taxiarchou et al., 1997). Another interesting 
application for the dissolution process is the regeneration of a ceramic filter media used 
in the filtration of iron ore suspensions (Salmimies et al., 2011; Smith et al., 2018).  

The most common approach is to carry out experiments in a single leaching agent system 
whereas studies combining several leaching agents are rare (Ambikadevi and 
Lalithambika, 2000; Chiarizia and Horwitz, 1991, Veglió et al., 1998). Sulphuric and 
nitric acids are commonly used in industrial scale applications, but oxalic acid is a 
superior leaching agent for the iron oxides because the dissolution combines two different 
mechanisms: complex formation and reductive dissolution (Panias et al., 1996a&b).  
However, oxalic acid has disadvantages in larger scale applications. First, commercially 
available oxalic acid is commonly provided as a solid dihydrate powder which requires 
the preparation of an acid solution for further use, and this preparation process can cause 
dusting. Second, oxalic acid is more expensive than sulphuric or nitric acid, so these two 
acids provide a more interesting economic perspective. Third, oxalic acid can cause the 
unwanted precipitation of calcium oxalate in processes containing high quantities of 
calcium. The dissolution kinetics in sulphuric and nitric acid are much slower than in 
oxalic acid, due to the assumed differences in dissolution mechanisms, but adding small 
quantities of oxalic acid to sulphuric or nitric acid might offer a combined efficiency and 
economic value (Ambikadevi and Lalithambika, 2000; Chiarizia and Horwitz, 1991).  

The dissolution process can be improved only by fully understanding the mechanisms 
present and kinetic limitations. Further research is needed because the dissolution 
mechanisms of iron oxides in acidic environments are still not fully agreed upon in the 
scientific community. Furthermore, research on the dissolution of the oxides in mixtures 
of different acids is uncommon but should be advanced as acid mixtures could unlock 
further dissolution efficiency without severe economic implications for large scale 
processes. Even though sulphuric and nitric acid are widely used in industrial processes, 
the dissolution mechanisms of magnetite and hematite in these acids are not widely 
discussed or understood in the scientific community. In addition, the dissolution 
mechanisms of iron oxides in oxalic acid are still under discussion. Moreover, a 
systematic study of kinetic models for iron oxide dissolution is not presented in the 
literature. Some of the previous studies indicate the formation of a solid product layer in 
organic acids which is an interesting topic for further investigation (Lee et al., 2007). 
From a practical point of view, it is vital to understand if the solid formation takes place 
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in certain conditions as precipitation may hinder the regeneration of ceramic filters as 
well as hinder other leaching processes where the aim is the production of iron free solids. 

1.1 The research questions and outline of the thesis 

The objective of this research was to study the dissolution mechanism of magnetite and 
hematite in mixtures of oxalic and sulphuric or oxalic and nitric acids. The main research 
question of the thesis was:  

 How does the addition of oxalic acid to sulphuric or nitric acid affect the 
dissolution kinetics, thermodynamics, and mechanisms of iron oxides? 
 

This thesis merges four different research papers published in international peer-revied 
scientific journals. The primary focus was to investigate the dissolution of pure magnetite 
and hematite in mixtures of oxalic and sulphuric, or oxalic and nitric acids. The pure 
substances were selected to identify the dissolution mechanisms in different acid systems 
and to avoid possible inhibiting effects of dissolution of other substances. It is 
hypothesised that the dissolution mechanisms are different in different acids, therefore, 
oxalic, sulphuric, and nitric acid are discussed separately. Oxalic acid is a superior 
chemical for the dissolution of iron oxides compared to sulphuric and nitric acid, and it 
is hypothesised that the addition of oxalic acid in to sulphuric or nitric acid can accelerate 
the dissolution and yield higher level of solubility. Moreover, it is hypothesised that 
higher temperature results in accelerated kinetics as well as a higher level of solubility. 

The introduction in Chapter 1 explains the motivation, research questions and outline of 
thesis. Magnetite and hematite and their basic properties are briefly introduced in Chapter 
2. Chapter 2 also summarises the possible techniques to remove iron oxides from a solid 
phase, after which a very general view of dissolution is drawn. Detailed dissolution 
mechanisms for magnetite and hematite in different acids are presented in Chapter 3, 
whereas Chapter 4 focuses on modelling, both the modelling of kinetic data and 
regression modelling of thermodynamic data. As this thesis focuses on identifying the 
dissolution mechanisms, the basic background of each analytical technique is also 
discussed in Chapter 5. The experimental methods are briefly summarized in Chapter 6. 
All experiments were carried out with dual objectives: to examine the thermodynamic 
and kinetic phenomena. The results of the thesis are discussed in Chapter 7. Finally, the 
concluding remarks and suggestions for further studies are summarised in Chapter 8.
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2 Iron oxides 

The main iron oxides are goethite, akaganeite, lepidocrocite, hematite, magnetite, 
maghemite, ferrihydrite, feroxyhyte and green rust (blue-green Fe (II) -Fe (III) hydroxy 
compounds). In these oxides, the arrangement of mainly Fe (O,OH)6 oxtahedra varies. 
Iron oxides are important and are used in many different fields, such as pigments (natural, 
synthetic, and magnetic), ferrites and catalysts, and water purification adsorbents. This 
thesis deals with the two most important iron oxides; magnetite and hematite, the main 
properties of which are briefly discussed below. 

2.1 Properties of hematite and magnetite 

Hematite, α-Fe2O3, is one of the most common soil oxides. Hematite iron has a trivalent 
phase in the lattice. Fine hematite crystals are red, while coarser crystals are black or 
glittery grey. Hematite is very stable and is antiferromagnetic or weakly ferromagnetic. 
The crystal structure, shown in Figure 1, is like that of corundum with hexagonal or 
rhombohedral unit cells. Several different cations such as Al(III), Cr(III), Mn(III), 
Rh(III), Ga(III), In(III), Nd(III), Ni(II), Cu(II ), Ge(IV), Sn(IV), Si(IV) and Ti(IV) can 
replace Fe (III) in the lattice (Cornell and Schwertmann, 2003). Cation substitution alters 
the properties of iron oxide. Hematite is often used in paints to produce a red colour. 
Another important application is in water purification. Dudey et al. (2020) report that 
hematite is the most promising nanomaterial in the removal of organic contaminants from 
water and, for example, Dehbi et al. (2020) showed that hematite can successfully remove 
malachite green dye from water. Hematite nanoparticles can also be used to treat drainage 
in acid mines (Kefeni et al., 2018).  

 

 

Figure 1. Crystal structure of magnetite and hematite. Brown: Fe and Red: O. 

Magnetite, Fe3O4, is a black coloured iron oxide with ferrimagnetic properties. It is often 
found in rocks but can also be formed through biological processes on soil surfaces. The 
structure of iron in magnetite has both a divalent and a trivalent phase, which makes it 
thermodynamically unstable in the atmosphere. Magnetite has a cubic crystal structure, 
shown in Figure 1, in which all tetrahedral sites are filled with Fe(III), while all octahedral 
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sites have equal amounts of Fe(III) and Fe(II). Both divalent and trivalent iron on the 
lattice surface can be replaced by other divalent and trivalent cations such as Al(III), 
Mn(II), Ni(II), Cu(II), Co(II), Zn(II)), Ca(II) and Ge(IV). (Cornell and Schwertmann, 
2003). Magnetite is also often referred to as primary iron oxide. 

Looking more closely at the kinetics stability, hematite is more stable than magnetite. 
Magnetite contains both bivalent and trivalent ions on the solid surface whereas hematite 
contains only trivalent ions. The bond between Fe(II) and oxygen is longer and kinetically 
more unstable than the bond between Fe(III) and oxygen due to the differences in the 
ionic radius of iron atoms (Fe(II) 0.74 Å and Fe(III) 0.64 Å) (Sidhu et al., 1981). The 
detachment of Fe(III) and Fe(II) from the solid surface of requires destruction of the bond 
between iron and oxygen: therefore, the rate of dissolution for magnetite is faster than the 
dissolution of hematite as magnetite contains longer and weaker iron-oxygen bonds than 
hematite. Moreover, the Fe(II) ions from the magnetite surface can directly liberate into 
the solution and catalyse the dissolution rate.  

2.2 Removal of iron oxides from solids 

The production of magnetite and hematite by a hydrometallurgical route is not reasonable 
from an economic point of view. Instead, the dissolution of iron oxides has received 
increasing attention for the purpose of recovering metals or cleaning of iron oxides from 
different raw materials or process equipment. For non-ferrous mineral processing, the 
removal of iron from a raw material is often a necessity. There are several iron removal 
techniques, which can be divided in to physical, physiochemical, and chemical separation 
(Figure 2). The physical separation techniques are magnetic separation, dense medium 
separation, up flow classification and spiralling. The flotation of iron oxide is classified 
as a physiochemical separation, whereas leaching is a chemical separation method. 
Leaching, i.e. dissolution can be done using chemicals or microbials (bioleaching). This 
thesis focuses only on the removal of iron by acidic dissolution. 

 

Figure 2. Possible separation techniques for iron containing solids 
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2.2.1 Dissolution of iron oxides 

Clays often contain hematite, which reduces the whiteness of the clay, so it should be 
removed before using the clay in porcelain, paper coatings, and paper fillings, for instance 
(Ambikadevi and Lalithambika, 2000; Cornell and Schwertmann, 2003). Another 
interesting application for utilizing the dissolution, i.e. leaching, process is the 
regeneration of ceramic filter materials that are often used in iron ore processes. 
Salmimies et al. (2013) and Smith et al. (2018) have shown that iron oxides can be 
liberated from the ceramic filter media after which the ceramics can be returned to the 
process. According to Olanipekun (2000), the dissolution of iron oxides from laterites has 
aroused great interest for several reasons. First, if the iron content is low enough (<2% by 
weight), laterite can be utilized in the manufacturing of refractory materials. Second, the 
low or zero iron content could result in a more environmentally friendly Bayer process 
(aluminium production process) and enable the recovery of nickel, cobalt and chromium. 
Third, iron laterite can be used as a raw material in the production of aluminum chloride. 
Olanipekun (2000) pointed out that hydrochloric acid is a better extractant compared to 
sulphuric acid because hydrochloric acid is easier to recycle, and the separation of metal 
chlorides is easier than metal sulphates. In addition, strong acid leaching is used to remove 
iron oxides from the surface of boilers, evaporators, and pipes to improve heat transfer, 
prevent corrosion, and extend the life of equipment (Cornell and Schwertmann, 2003). 
One emerging topic, in which understanding the dissolution of iron oxides plays an 
essential role, is the treatment of tailings. Tailings can often contain iron: therefore, 
understanding the dissolution behaviour plays an essential role in applications such as 
acid mine drainage (Geng et al., 2020).  

The dissolution of iron oxides is affected by several parameters such as temperature, UV 
light, pH, redox potential, acid content, reducing and complexing agents, and the physical 
and chemical properties of iron oxide. According to Panias et al. (1996b), the pH of the 
solution is the most important parameter. On closer inspection of oxalic and sulphuric 
acids, the concentration of anions available for dissolution reactions is highly dependent 
on the pH of the solution, and the correct pH range promotes dissolution. In the case of 
oxalic acid, the most preferred pH range is 2-3 (Panias et al., 1996b). This finding means 
that the pH must be adjusted to the desired range, which in turn increases the consumption 
of chemicals and therefore the operating costs of the dissolution process. However, 
Taxiarchou et al. (1997) and Taxiarchou et al. (1998) found that the concentration of 
oxalic acid had little effect on the dissolution of hematite and magnetite. The temperature 
is also an important parameter: a higher temperature accelerates the dissolution rate but 
does not automatically lead to higher solubility (Panias et al., 1996b; Salmimies et al., 
2011; Salmimies et al., 2012). On the other hand, higher temperatures can promote 
unwanted side reactions that can prevent or even stop the solubility of iron. For example, 
Ma et al. (2013) found that an increase in temperature from 140 °C to 200 °C decreased 
the solubility of iron due to the precipitation of hematite. In addition, the temperature 
sensitivity of dissolution provides some information about the dissolution rate controlling 
step: if the dissolution is controlled by a chemical reaction, it is more sensitive to 
temperature (Levenspiel, 1999). The density of the pulp also affects the solubility, but the 
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effect is not unambiguous. Increasing the solid-liquid ratio leads to decreased liberation 
of iron from the solid into the solution (Mandal and Banerjee, 2004).  On the other hand, 
Taxiarchou et al. (1997) have reported that the pulp density had an insignificant effect on 
the solubility of iron from silica sand, and Lee et al. (2007) reported that an increase in 
pulp density (from 4:1 to 6.7:1) resulted in faster accelerated dissolution but that a further 
increase did not result in higher solubilities. 

Based on current knowledge, the dissolution of iron oxides can proceed via three 
mechanisms: protonation (also known as the slowest dissolution mechanism), complex 
formation, and reductive dissolution (Cornell and Schwertmann, 2003; Stumm and 
Furrer, 1987), the dissolution mechanisms vary in different acidic environments, and for 
this reason, the dissolution mechanisms of magnetite and hematite in different acid 
systems have been described separately in this thesis. This information provides a basis 
for the discussion of dissolution mechanisms in mixtures of acids, which might be more 
complex in acid mixtures than in single acids. Studies of individual acids to explain the 
mechanisms are indeed common, whereas studies on mixtures of acids are few and far 
between. A more detailed discussion of the dissolution mechanism can be found in 
Chapter 3. 

Very often the dissolution is done in a one-component system (either an acid, base, 
bacterial, etc.), but several authors have found that better results can be obtained using 
multicomponent systems, for example enhancing the dissolution with a complexing agent 
(Blesa et al., 1984; Chiarizia and Horwitz, 1991; Chang and Matijevic, 1983; Wang et al., 
2017). Oxalic acid has received a lot of attention as it can dissociate into strong 
complexing oxalate ions, which can enhance the dissolution. For example, Ambikadevi 
and Lalithambika (2000) and Veglio et al. (1998) have shown that a mixture of oxalic and 
sulphuric acid can result in more efficient dissolution process, whereas Darezereshki et 
al. (2018) found that the combination of sulphuric acid and sodium chloride enhanced the 
dissolution of iron ore waste by increasing the hydrogen ion activity and calcium 
precipitation. However, sodium chloride can cause problems in industrial scale 
applications as it can produce toxic and corrosive chlorine gas. Most of the studies do not 
consider either kinetic or mechanistic aspects of dissolution, therefore further study is still 
needed to clarify the dissolution mechanisms and kinetics in the mixtures of acids. 

Understanding the dissolution kinetics of iron oxides is also important for practitioners 
because the kinetics limit the dissolution, and by knowing the step that controls the 
dissolution, the whole process can be shifted in a desired direction. Kinetic models can 
be used as a first step in the evaluation of dissolution mechanisms as the models often 
represent either diffusion or surface reaction-controlled dissolution. Kinetic models are 
discussed in more detail in Chapter 4.1. It is worth keeping in mind that industrial 
minerals often contain other impurities in addition to iron, such as Al, Ca, Mg and Si, and 
the dissolution of these impurities can reduce the dissolution capacity of acid with respect 
to iron. However, this thesis is limited to pure magnetite and hematite only, so the effect 
of impurities is not discussed in this work.
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3 Dissolution mechanisms 

The dissolution mechanisms are described separately for both hematite and magnetite in 
oxalic, sulphuric, and nitric acids because it is hypothesised that the dissolution 
mechanisms vary in different acids. Crundwell (2013) noted that the kinetic parameters, 
i.e. the order of reaction, must be supported by the dissolution mechanism. The author 
also argued that the mechanism is not the same as the chemical pathway. Therefore, the 
detection of a particular chemical compound on the solid surface or in the solution does 
not automatically mean that these compounds play an essential role in the rate controlling 
step of dissolution. The activation energy partly explains the rate controlling step but does 
not necessarily show unambiguously about dissolution mechanisms.  

3.1 Dissolution of hematite 

The dissolution mechanisms of hematite in oxalic, sulphuric, and nitric acids are 
discussed separately in Chapters 3.2.1.-3.2.3. It should be noted that these theories focus 
on single acids and the dissolution mechanisms in mixtures of acids can vary from the 
mechanisms of pure acids. 

3.1.1 Hematite in oxalic acid 

Oxalic acid dissociates in water according to Equations (3.1) and (3.2) (Riemenschneider 
and Tanifuji, 2012). 

H2C2O4 ↔ H+(aq) + HC2O4
- (aq)    (3.1) 

HC2O4
-  ↔ H+(aq) + C2O4

2-(aq)    (3.2) 

The dissociation constants are K1= 5·10-2 mol/dm3 and K2 = 5.0·10-5 mol/dm3. The 
concentration of bioxalate and oxalate ions in the solution is highly pH dependent. Panias 
et al. (1996b) have reported fractions of dissociated and non-dissociated anions as a 
function of pH: oxalate ions are present only in solutions with a pH higher than 2. In a 
more acidic solution, the active substances are undissociated oxalic acid and bioxalates, 
and when the pH is close to zero, oxalic acid is likely to remain undissociated. In addition, 
given the iron species, the iron species are most likely uncomplexed iron ions.  

First, oxalic acid dissociates according to Equations (3.1) and (3.2). After this, H+ is 
adsorbed on the solid surface generating active OH-sides, Equation (3.3), for the organic 
ligand adsorption which is shown in Equation (3.4) (Siffert and Sulzenberger, 1991; 
Stumm and Furrer, 1987; Panias et al., 1996a&b). 

>Fe(III)-O(s) + H+(aq) ↔ >Fe(III)-OH+   (3.3) 

>Fe(III)-OH+(s) + HC2O4
-(aq) + H+↔ >Fe(III)-C2O4

2-  (s)+ H2O(l) (3.4) 
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The symbol “>” refers to the solid surface. 

Non-reductive dissolution 

After the reactions shown in Equations (3.3) and (3.4), either a non-reductive or reductive 
dissolution takes place. Panias et al. (1996a) and Panias et al. (1996b) pointed out that a 
non-reductive dissolution requires high activation energy: therefore, it is not preferred at 
low temperatures. If the dissolution conditions, i.e. the temperature is raised, allow a non-
reductive route, it can proceed according to Equation (3.5), in which L denotes a ligand, 
either bioxalate or oxalate, depending on the pH of the solution.  

[>Fe(III)-L]-(n-2) (s) + H+(aq) → [Fe(III)-L]-(n-3)(aq) + >H  (3.5) 

As it was previously mentioned, the bioxalate ions are dominant under highly acidic 
conditions (near pH 1), so the non-reductive pathway can be written as in Equation (3.6). 
However, the authors pointed out that the calculated Gibbs free energy was negative 
indicating a spontaneous chemical reaction. However, it is not possible to assess whether 
there is a non-reductive pathway in the mechanism of action. 

Fe2O3(s) + 2HC2O4
- (aq) + 6H+(aq) →2[Fe(III)HC2O4] (aq) +H2O(l) (3.6) 

Reductive dissolution 

In general, reductive dissolution is more common dissolution mechanism. Reductive 
dissolution consists of two periods: a slow induction step at the beginning of the 
dissolution, followed by an accelerated dissolution. Lee et al. (2006) examined the 
dissolution of hematite in oxalic acid and by analysing the concentrations of Fe(II) and 
Fe(III) in the solution found that the dissolution solution did not contain Fe(III) ions, 
which also supported the hypothesis that the dissolution proceeded via the reductive 
mechanism.  

Induction period 

The induction period is the slow period at the beginning of dissolution, during which iron 
ions accumulate in the solution. As already mentioned, on the surface of hematite iron is 
in a trivalent form, Fe(III), so iron ions are generated in the solution by the electron 
transfer reaction, Equation (3.7), and the liberation of Fe(II) from the solid surface to the 
solution, as in Equation (3.8) (Panias et al., 1996b).  

>Fe(III)-C2O4
2- (s) ↔ [>Fe(II)-C2O4

-](s)   (3.7) 

2[>Fe(II)-C2O4
-](s) + 2H+(aq) → 2Fe(II)(aq) + 2CO2(g) + C2O4

2- + >H (3.8) 

Accelerated autocatalytic reductive dissolution 
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Autocatalytic dissolution can be divided into three steps. First, the dissolved iron oxalate 
complexes are adsorbed on the solid surface, followed by a rapid electron transfer to the 
outer-sphere or inner-sphere of iron atom. According to Panias et al. (1996b), the 
dissolution of electron-transferred ferrous iron is more reactive than the original ferrous 
iron present on the solid surface. Finally, ferric complexes are liberated into the solution. 
The autocatalytic scheme can be summarized with Equations (3.9) -(3.12). 

Adsorption of ferrous complex on the solid surface: 

[>Fe(III)-ox](s) + [Fe(II)-ox](aq) → >Fe(III)-ox…Fe(II)ox (s)  (3.9) 

Electron transfer reaction: 

>Fe(III)-ox…Fe(II)-ox (s)→ >Fe(II)-ox…Fe(III)-ox (s)  (3.10) 

Desorption: 

>Fe(II)-ox…Fe(III)-ox (s) → >Fe(II)-ox (s) + [Fe(III)-ox](aq)  (3.11) 

Dissolution: 

>Fe(II)-ox (s)→ [Fe(II)-ox](aq)    (3.12) 

The term “ox” refers to any species formed of oxalic acid dissociation (H2C2O4, HC2O4
- 

and C2O4
2-). 

3.1.2 Hematite in sulphuric acid 

The first step in the dissolution in sulphuric acid is the dissociation of acid in water. 
Sulphuric acid is a strong diprotic acid with hygroscopic and oxidizing properties. The 
two ionization reactions, Equations (3.13) and (3.14),result in bisulphate and sulphate 
ions in the solution. According to Müller (2012), pure sulphuric acid is ionized only to a 
small extent, but when adding water to sulphuric acid, the ionization reaction shown in 
Equation (3.14) becomes more dominant. In dilute sulphuric acid solutions, the second 
ionization reaction becomes favourable.  

H2SO4(l) + H2O(l) ↔ H3O+(aq) + HSO4
- (aq)   (3.13) 

HSO4
- (aq) + H2O(l) ↔ H3O+(aq) + SO4

2-(aq)    (3.14) 

The dissociation constants are K1= 1·103 mol/dm3 and K2 = 1.2·10-2 mol/dm3 (Gordon et 
al., 1972). 

Majima et al. (1985) have found that sulphate ions play an essential role in the dissolution 
of hematite in sulphate solutions as the adsorption of sulphate ion on the surface of 
hematite determines the reaction rate. Based on this finding, the dissolution mechanism 
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in sulphuric acid can include complex formation and has similarities with the dissolution 
of iron oxides in oxalic acid. Given that iron is in the trivalent form in the solid phase and 
dissociation reactions of sulphuric acid (Equations (3.13) and (3.14)), dissolution can 
occur by the mechanism shown in equation (3.15).  

0.5 Fe2O3 (s) + 2 H2SO4(l) ↔ Fe(SO4)2
- (aq) + H+(aq)+H2O(l)  (3.15) 

The first step is the adsorption of SO4
2- and HSO4

- ions on a solid surface to form Fe (III) 
complexes. The second step is the liberation of these complexes into the solution. The 
third step could be H+ adsorption, also called surface restoration. According to 
Senanayake and Muir (1988) and Senanayake and Das (2004), general knowledge 
assumes that the dissolution of iron oxide in pure sulphuric acid does not occur through 
a reduction mechanism. On the other hand, the protonation mechanism may be possible 
in pure sulphuric acid systems. However, Majima et al. (1985) showed that the dissolution 
rate varied in different acid systems, although the hydrogen activity was the same, and 
concluded that protonation cannot be a mechanism of action in sulphuric acid. Majima et 
al (1985) also found that the sulphate anion rather than the bisulphate anion is more likely 
to be an anion adjacent to the solid surface. 

3.1.3 Hematite in nitric acid 

Nitric acid dissociates in water as shown in Equation (3.16) (Thiemann et al., 2000). In 
the concentrated nitric acid solutions, nitrogen acts as an oxidizing agent.  

HNO3 (l) + H2O (l)↔ H3O+(aq) + NO3
- (aq)   (3.16) 

The dissociation constant for Equation (3.16) is Ka= 4.36·101 mol/dm3 (Gordon et al., 
1972). Stumm and Furrer (1987) have shown that NO3

- ion does not form complexes with 
solid iron oxide leading up to the hypothesis that dissolution of iron oxide in nitric acid 
would proceed via the protonation mechanism. 

The total reaction is given in Equation (3.17). 

α-Fe2O3 (s) + 6H+(aq) ↔ 2Fe(III)(aq) + 3 H2O(l)   (3.17) 

A study by Nanayakkara et al. (2014) showed that nitrate ions can adsorb to the surface 
of hematite, so the dissolution mechanism may have some similarities to the 
complexation reaction. On the other hand, a study of Stumm and Furrer (1987) stated that 
nitrate ion does not form complexes, which would suggest that protonation is the 
dominant mechanism. Nitrate may adsorb to the surface, but it does not act as a 
complexing agent in a similar way as oxalic acid does. 
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3.2 Dissolution of magnetite 

The dissolution mechanisms of magnetite in oxalic, sulphuric, and nitric acids are 
discussed separately in Chapters 3.2.1.-3.2.3. It should be noted that these theories focus 
on the pure single acid systems and the dissolution mechanisms in mixtures of acids can 
vary from the mechanisms for pure acids. In addition to that, as the focus is on the acid 
systems, the reactions between two different acids should also be considered. 

3.2.1 Magnetite in oxalic acid 

Baumgartner et al. (1983) summarized the possible reaction steps for the dissolution of 
magnetite in oxalic acid. First, H+ is adsorbed on the magnetite surface, which results in 
the active OH-groups for ligand adsorption. The reaction steps are written only for Fe(III) 
since Fe(III)-O bonds are stronger than Fe(II)-O bonds and the detachment of Fe(III) is 
the rate-controlling step (Sidhu et al., 1981). The ionization reactions of oxalic acid are 
shown in Chapter 3.1. in Equations (3.1) and (3.2). 

The first step is the adsorption of bioxalate on the solid surface: 

>Fe(III)-OH (s)+ -OOC-COOH(aq) ↔ >Fe(III)(C2O4)(s) + H2O(l) (3.18) 

Again, the symbol “>” refers to the solid surface. 

During the second step, shown in Equation (3.19), Fe(III)-oxalate complex is dissolved. 
This step is also identified as a slow induction period. 

>Fe(III)(C2O4) (s) ↔ Fe(C2O4)+(adsorbed) ↔ Fe(C2O4)+(aq)  (3.19) 

At the same time, the concentration of bivalent iron in the solution increases and when 
the ratio between bivalent and trivalent iron complexes is stabilized, the dissolution 
accelerates and moves towards reductive dissolution. The bivalent iron accelerates the 
dissolution as it reduces the time-consuming induction period at the beginning of the 
dissolution. The reductive dissolution is summed by electron transfer reactions shown in 
Equations (3.20) and (3.21).  

>Fe(II)…(C2O4) + >Fe(III)(C2O4) ↔ Fe(III)…(C2O4)+ + >Fe(II)(C2O4) (3.20) 

>Fe(II)(C2O4) ↔ Fe…(C2O4) ↔ Fe(C2O4)(aq)    (3.21) 

The rate-controlling step can be either Equation (3.20) or (3.21). If there are initial added 
Fe(II)- ions in the solution, the induction period in Equation (3.19) disappears and the 
dissolution proceeds according to Equation (3.20).  
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3.2.2 Magnetite in sulphuric acid 

As already mentioned, iron exists both as bivalent and trivalent stages on the surface of 
magnetite: therefore, the possible reaction steps can include both Fe(III) and Fe(II). 
According to previous studies (Senanayake and Das, 2004; Senanayake and Muir, 1988), 
the possible reactions and equilibrium constants K can be the following:  

Fe(II)(s) + HSO4
- (aq) ↔ FeHSO4

- (aq)  logK = 0.78  (3.22) 

Fe(II)(s) + SO4
2-(aq) ↔ FeSO4

0(aq)  logK = 1.0 or 2.3 (3.23) 

Fe(III)(s) + SO4
2-(aq) ↔ FeSO4

+(aq)  logK = 2.23  (3.24) 

Fe(III)(s) + 2SO4
2-(aq) ↔ Fe(SO4

+)2
- (aq)  logK = 4.23  (3.25) 

Based on Eh-pH diagram shown in Figure 3, the Fe(SO4
+)2

-  and FeSO4
0 complexes are the 

most stable and predominant species at a pH between 0.5 and 2.5. It is reasonable to 
assume that bisulphate and sulphate ions are involved in the dissolution process and that 
possible reaction steps include complex formation.  

 

Figure 3. Eh-pH diagram for Fe(II)/Fe(III)/SO2/SO4
2- system at 25 °C. Adapted from 

Senanayake and Das (2004). 

Considering the detailed steps, the first step may be the adsorption of bisulphate and 
sulphate ions on the surface of the magnetite to form Fe(II) and Fe(III) complexes, which 
are then detached from the solid surface into solution. The final step is adsorption of the 
proton on the solid surface, also called surface restoration. The overall reaction is shown 
in Equation (3.26). 

Fe3O4(s) + 5H2SO4(aq) ↔ 2Fe(SO4)2
- (aq) + 2H+(aq)  (3.26) 



3.2 Dissolution of magnetite 25

As the final step includes the proton adsorption, this should be seen in the consumption 
of hydrogen ions or in the increasing pH of the solution.  

3.2.3 Magnetite in nitric acid 

The dissolution of hematite in nitric acid begins with the same assumptions as for 
hematite. The first hypothesis is that nitric acid dissociates in water according to Equation 
(3.16), and the second hypothesis is that the dissolution would occur via protonation. 

The protonation reaction of magnetite in nitric acid is shown in Equation (3.27). 

Fe3O4(s) + 3H+(aq) ↔ 2Fe(III)(aq) + Fe(II)(aq) + 4H2O(l) (3.27) 

In this reaction, H+ is adsorbed on the OH group of the solid surface, which converts the 
FeOHOH2-pair into Fe(OH2)2

+. Two more H+ per Fe are then adsorbed, which weakens 
the between iron and oxygen and leads to the liberation of Fe(III). The liberation step 
requires the highest activation energy; therefore, it also controls the rate of dissolution 
(Panias et al., 1996a). The different reaction steps are illustrated in Figure 4. 

Figure 4. Detailed reaction steps for the dissolution of Fe(III) oxide by protonation. 
Adapted from Stumm and Furrer (1987). 

Nitric acid also has a strong oxidizing ability and is often used to oxidize bivalent iron to 
the trivalent form. Trivalent iron can further precipitate as hematite (Ma et al., 2013). In 
this case, the first step is the same as in Equation (3.27) whereas the second step is the 
oxidation of iron, Equation (3.28), and the final step may be the formation of hematite, 
Equation (3.29).  
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3Fe(II)(aq) + NO3
- (aq) + 4H+(aq) → 3Fe(III)(aq) + NO(g) + H2O(l) (3.28) 

3Fe(III)(aq) + H2O(l) → Fe2O3(s) + 6H+(aq)   (3.29) 

The oxidation step should be seen in the decrease in the nitrate concentration and 
formation of NO(g). Finally, an XRD analysis could verify if the precipitation of hematite 
takes place. The nitric acid concentration is usually relatively high (up to several grams 
per litre), therefore, small changes in concentrations can be difficult to detect. The 
Thermoddem database for the PHREEQC computer program confirmed that only Fe3+ 
ions were present in the thermodynamic phase, therefore, oxidation reaction will occur 
even if no consumption of nitrate ions is observed (Thermoddem, 2019). 

3.3 Reaction between oxalic and nitric acid 

In this thesis, some of the experiments are performed with mixtures of oxalic and nitric 
acid, therefore, the reaction between these two acids should also be considered. This 
reaction is given in Equation (3.30) (Mason et al., 2016).  

3(COOH)2(aq) + 2HNO3(aq) ↔ 6CO2(aq) + 2NO(g) + 4H2O  (3.30) 

The original reaction shown in Equation (3.30) does not consider the formation of NO2 
gas as observed by Mason et al. (2016). Therefore, the following Equation (3.31) is 
introduced. 

4HNO3(aq) ↔ 4NO2(g) + 2H2O + O2(g)   (3.31) 

Mason et al. (2016) suggested that the formation of NO2(g) was due to 1) the reaction 
shown in Equation (3.31), 2) the oxidation of NO(g) to NO2(g), or 3) some undefined 
reactions producing NO2(g).
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4 Processing of dissolution data 

Kinetic modelling provides basic information about the rate-limiting step for the 
simulation of industrial processes, whereas regression modelling offers a tool to 
investigate the effect of temperature and acid system on the solubility of iron oxides. As 
Crundwell (2013) stated, the kinetic parameters are in essential role in understanding the 
dissolution mechanisms.  

4.1 Kinetic modelling 

Kinetic modelling offers the first step in the evaluation of dissolution mechanisms 
because the kinetic models represent either chemically or physically controlled 
dissolution. In some cases, both chemical and physical steps can control the rate of 
dissolution. Cornell and Schewertmann (2003) have provided an extensive summary of 
the different kinetic equations that can describe dissolution kinetics whereas Brown et al. 
(1980) have focused more on the physical background of these models. Khawam and 
Flanagan (2003) pointed out that the models are not based on a fundamental dissolution 
phenomenon but are mathematically compatible with experimental data, and as Costa and 
Lobo (2001) criticize, the models are not based on a fundamental theory of dissolution 
phenomena. Extensive research by numerous authors has shown that these models share 
common basic information on the rate of controlling the dissolution, so these models are 
worth exploring (Bruyère and Blesa, 1985; Cornell and Giovanoli, 1988; Cornell and 
Giovanoli, 1993; Huang et al., 2013; Ige et al., 2015; Lee et al., 2005; Martínez-Luévanos 
et al., 2011; Olanipekun, 2000; Perrier et al., 2006; Ruan and Gilkes, 1995; Salmimies et 
a., 2012b; Schwertmann et al., 1985; Schwertmann and Latham, 1986; Senanayake and 
Das, 2004; Sidhu et al., 1981; Sultana et al., 2014; Wells et al., 2001).  

Twelve kinetic models are listed in Table I. In this table, α is the fraction of dissolved 
solid at certain time (-), k is the reaction rate constant (s-1), t is time (s), and a (-) is the 
solid specific constant of the Kabai model, as shown in Equation (3.8). A generally 
accepted way to calculate the proportion of dissolved solids at a given time is to divide 
the dissolved iron content by the amount of iron originally added (Levenspiel, 1999).  The 
left side of the equation is drawn against time (or logarithmic time in the case of Equation 
(4.8)), and the reaction rate constant is the slope of the straight line. Brown et al. (1980) 
and Khawam and Flanagan (2003) have proposed that the models can be classified based 
on the shape of the t-α curve for acceleration, deceleration, linear, and sigmoidal models. 
In this thesis, the classification is presented based on the rate controlling step into 
diffusion or surface reaction-controlled models.  Houben (2003) suggested that the shape 
of the dissolution curve can be associated with specific reaction steps and dissolution 
mechanisms. Mechanisms of oxalic acid dissolution generally include a slow induction 
period at the beginning of dissolution, which may lead to the sigmoidal dissolution curve 
(see Chapters 3.1.1 and 3.2.1). 
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Even though this thesis focuses on the dissolution of iron oxides, it is important keep in 
mind that these models are not limited to specific solids, but one model may be 
compatible with the dissolution data of several different solids. In addition, some of the 
models are for particles with a regular, uniform, and defined shape. Most of the models 
presented are mainly opposites of crystallization reactions and therefore terms such as 
nucleation, which are usually associated with crystallization, can cause 
misunderstandings. 

Table I Kinetic models for describing the dissolution data. Adapted from Brown et 
al., (1980), Cornell and Schwertmann, (2003), and Khawam and Flanagan, 
(2003). 

Equation No. Equation Limiting step 

4.1 α2=kt One dimensional diffusion 

4.2 (1-α) ln(1-α) +α=kt Two-dimensional diffusion 

4.3 1- 1-α
1
3

2

=kt Three-dimensional diffusion 

4.4 1-
2

3
α -(1-α)

2
3=kt Three-dimensional diffusion 

4.5 - ln(1-α) =kt Surface reaction 

4.6 [- ln(1-α)]1/2=kt Surface reaction 

4.7 [- ln(1-α)]1/3=kt Surface reaction 

4.8 ln ln
1

1-α
=alnk+alnt 

a<1 Diffusion controlled 

a≥1 Surface reaction controlled 

4.9 1-(1-α)
1
2=kt Surface reaction 

4.10 1-(1-α)
1
3=kt Surface reaction 

4.11 α1/n=kt Surface reaction 

4.12 lnα=kt Surface reaction 
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The first four models, Equations (4.1)-(4.4), represent diffusion-controlled models in 
which the diffusion of a reactant (for example an anion) or product from or to a solid 
surface controls the rate of the reaction. Equation (4.1) represents one-dimensional 
diffusion when the solid is a thin plate, while Equation (4.2) represents the two-
dimensional diffusion of cylindrical particles. The Jander model, in Equation (4.3), is 
applied to spherical particles in all three dimensions. Equation (4.3) was further modified 
to result in a Ginstling-Brounshtein model or the diffusion-controlled shrinking core 
model Equation (4.4), which is also for spherical particles (Ginstling and Brounshtein, 
1950; Lee et al., 2006). All four equations are described with decelerating t-α curves. The 
receding form indicates that the dissolution rate is fastest in the initial stages of 
dissolution, after which the process continues with inhibited dissolution. 

The simplest kinetic models base on the reaction order and the rate of dissolution is 
directly proportional to the fraction, the amount or concentration of remaining reactants 
raised to the power n. The power n describes the reaction order varying between 0 and 3 
(Khawam and Flanagan, 2006). The general equation is following: 

dα

dt
=k(1-α)n      (4.13) 

Equation (4.13) represents the first order reaction model, when n=1. It is also known as 
the Mampel model and a special case of Avrami-Erofe’ev models (Equations (4.6) and 
(4.7)). The shape of t-α-curve is deceleratory. Chiarizia and Horwitz (1991) criticized that 
the model does not describe whether the chemical reaction or diffusion is the rate-
controlling step, and to determine the rate-determining steps, other models should be 
tested, too. Again, the dissolution data of various iron oxides can be described with 
different surface reaction-controlled models. Two Avrami-Erofe’ev models, Equations 
(4.6) and (4.7), are the most common random nucleation models, which are valid at a 
wide range of α (approximately 0.05-0.9) and having sigmoidal t-α-curves. 

The Kabai model (1973), Equation (4.8), is either a diffusion or surface reaction-
controlled model depending on the constant a of the model. The Nernst equation is the 
background of the Kabai model. The Nernst model describes only a limited number of 
cases and it was therefore further modified to yield the Kabai model. Weibull (1951) 
firstly employed the model in to describe the disintegration of solids and various 
materials, which further lead to commonly known Weibull distribution. The Kabai model 
can also describe grinding, polymer chemistry phenomena, and physical chemistry as 
well as the dissolution of pharmaceuticals.  

To describe the physical background of the model, Kabai (1973) carried out an extensive 
set of dissolution experiments using several divalent and trivalent metal oxide hydrates 
and using a number of different organic and inorganic acids. The experiments were done 
using an excess amount of acid. The results showed that the solid specific constant a of 
the model was same for same solids dissolved in different acidic environments. Based on 
these findings, Kabai concluded that the solid specific constant a of the model is 
independent of the dissolving liquid, the temperature and concentration. Kabai also 



 Processing of dissolution data 

 

30

suggested, that if a<1 the dissolution is diffusion controlled whereas a≥1 indicates the 
chemical reaction-controlled dissolution. Moreover, Kabai speculated that the dissolution 
mechanisms is a rounding-off/sphericalisation when a<1, complex or combined when a 
=1 and a disintegration when a>1. The Brunauer-Emmet-Teller (BET) specific surface 
area can also be connected to the dissolution mechanism. An increase in the BET specific 
surface area with an increase in the dissolution time suggests that solids disintegrate into 
smaller particles from which comes the name of mechanism: disintegration. The second 
mechanism, rounding-off/sphericalisation, occurs when the BET specific surface area 
decreases with the increase in the dissolution time. 

Equations (4.9) and (4.10) are the geometrical contraction shrinking core models having 
deceleratory t-α-curves (Brown et al., 1980; Khawam and Flanagan, 2006; Levenspiel, 
1999). In the shrinking core model, the dissolution takes place on the solid surface, after 
which the reaction proceeds into the particles and leaving behind the converted material. 
Equation (4.9) is for cylindrical particles whereas the cube root law, Equation (4.10), is 
for spherical/cubical particles.  

Equation (4.11) is also known as the power law, whereas Equation (4.12) is the 
exponential law. Both models result in an acceleratory shape t-α-curve. A study made by 
Salmimies et al. (2012) showed that Equations (4.11) and (4.12) were not applicable to 
the dissolution data of hematite in oxalic acid and the coefficients of determination were 
negative. No other references for using the power and exponential laws to describe the 
dissolution kinetic of iron oxides were found. Costa and Lobo (2011) found that the power 
law could describe the dissolution of pharmaceuticals. 

Table II shows an overview of the dissolution of iron oxides in different leaching systems. 
Based on the studies summarised in this table, it can be concluded that the activation 
energy should not be used as an only tool in the evaluation of the rate limiting step of 
dissolution, because the exact limit for the activation energy cannot be determined. Some 
authors have suggested that the activation energy >20 kJ/mol indicates the chemical 
reaction-controlled dissolution, whereas some authors have suggested that the activation 
energy could be greater than 20 kJ/mol and the dissolution can still be diffusion 
controlled. 
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Table II Kinetic models suggested by several authors for the dissolution of iron oxides in different 
mediums. The kinetic model refers to the equations shown in Table I. *The first 70% of 
dissolution followed Equation (4.7). aThe constant a of the model varied. 

Mineral 
Dissolving 

medium 
C, mol/ 

dm3 
T, 
°C 

Kinetic model 
Ea, 

kJ/mol 
Reference 

Laterite (Hematite 
and goethite) 

HCl 3 
70-
90 

Eq. 4.4 
65.2-
71.7 

Olanipekun 
(2000) 

Kaolin (hematite) 
Oxalic 

acid 
0.05-
0.1 

25-
60 

Eq. 4.4 46.35 
Martínez-

Luévanos et 
al. (2011) 

Quartz (hematite) 
Oxalic 

acid 
2-8 g/ 
dm3 

 Eq. 4.4 45.37 
Huang et al. 

(2013) 

Clay (hematite) 
Oxalic 

acid 
HCl 

1.8 
1.6 

40, 
60, 
80 

Eq. 4.4 
41.03 
50.82 

Sultana et al. 
(2014) 

Hematite 
Oxalic 

acid 
0.048-
0.381 

100 Eq. 4.4 140 
Lee et al. 

(2006) 
Limonitic laterite 

(magnerite, hematite, 
goethite) 

H2SO4 
0.18-
0.72 

90 Eq. 4.4 - 
Senanayake 

and Das 
(2004) 

 SO2 0-0.3 90 Eq. 4.4 -  
Tantalite-columbite 

ore 
H2SO4 4-10 

30-
90 

Eq. 4.4 34.99 
Ige et al. 
(2015) 

 HCl  
30-
90 

Eq. 4.4 14.5  

Hematite HCl 1 65 Eq. 4.6 - 
Cornell and 
Giovanoli 

(1993) 

Akaganéite and 
lepidocrocite* 

HCl 0.5 76 Eq. 4.6 - 
Cornell and 
Giovanoli 

(1988) 
Metal substituted 

hematite 
HCl 1 

40-
60 

Eq. 4.6 66-86 
Wells et al. 

(2001) 

Goethite HCl 6 25 Eq. 4.8a - 
Schwertmann 
et al. (1985) 

Hematite 
Goethite 

 
HCl 6 25 Eq. 4.8a - 

Schwertmann 
and Latham 

(1986) 

Aluminous goethite HCl 1 
30-
50 

Eq. 4.8a 10-71 
Ruan and 

Gilkes 
(1995) 

Soil samples 
(goethite, hematite, 

maghemite) 
HCl 1 40 Eq. 4.8a - 

Perrier et al. 
(2006) 

Hematite 
Oxalic 

acid 
0.6 50 Eq. 4.8a - 

Salmimies et 
al. (2012b) 

Magnetite 
Maghemite 
Hematite 
Goethite 

HCl 0.5 60 Eq. 4.10 80-94 
Sidhu et al. 

(1981) 

Magnetite H2SO4 0.5-2 
70-
90 

Eq. 4.10 - 
Bruyère and 
Blesa (1985) 



 Processing of dissolution data 

 

32

4.2 Statistical modelling 

Regression modelling is a statistical tool for elucidating the relationship between different 
process parameters during dissolution (Yan and Su, 2009). For example, Salmimies et al. 
(2013) showed that the effect of operating parameters on the equilibrium solubility of 
magnetite in oxalic acid can be successfully investigated in a regression analysis. In the 
case of synthetic magnetite, a simple linear model described the dissolution well, while 
industrial magnetite powder required a more complex model that included interaction and 
quadratic terms. Volkan and Oktay (2009) have described the dissolution kinetics of Fe 
from clay mineral using statistical methods, while Beolchini et al. (2001) described the 
effect of temperature and sulphuric acid concentration on the dissolution of manganese 
ores. Regression modelling can be performed using software such as MATLAB® or 
Excel®. A pure linear model is the simplest. However, the simplest model often fails, 
therefore the goodness of fit is improved by adding interaction or quadratic terms. 

The focus of this thesis is the dissolution in mixtures of acids therefore Scheffé 
polynomials would be better than the commonly used linear models (Brown et al., 2015; 
Salmimies et al., 2012b; Sinha et al., 2014). For instance, Castro Dantas et al. (2003) have 
employed the Scheffé models used in their designs of experiments. The special cubic 
model, Equation (4.14), is a widely used mixture model and it is also used in this thesis. 

Y=β1x1+β2x2+β3x3+β12x1x2+β13x1x3+β23x2x3+β123x1x2x3  (4.14) 

where Y is the measured response, x1-3 is the explanatory variable, and βn is the coefficient. 
The constant term intercept is not taken into account because the β parameters would then 
become non-estimable (Sinha et al., 2014). 

The statistical significance of each variable is evaluated with a p-value. Often the 
acceptance level of 5% is used, which means that the variable has a statistical significance 
if the p-value is less than 0.05. The goodness of fit can be assessed using the R2-values 
and by calculating the relative difference between the observed and calculated values. 
Adding terms to the model can improve R2-values, but it does not automatically increase 
the predictability of the model.
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5 Computational and analytical methodologies 

The basic principle of each analytical techniques used in this thesis is briefly summarised 
in this chapter. The analytical techniques play essential role in determining the dissolution 
mechanism and kinetics. 

5.1 Density functional theory (DFT) calculations 

Basic knowledge of the atomic structure between iron oxide and oxalic ligand is needed 
to deepen the understanding of adsorption energies and thermodynamics as well as 
possible intermediate steps in dissolution reactions (Arndt et al., 2019). Density-
functional theory (DFT) is a theory for calculating the electronic structure of atoms, 
molecules, and solids, so it would provide a basis for predicting dissolution reaction steps. 
In this thesis, DFT was employed to visualize and rationalize the reaction steps involved 
in the dissolution of iron oxide in an acid system.  

The DFT calculations are based on an electron density function (Sels and Kustov, 2016). 
This method has three advantages over wave functions as it is easily comprehensible, it 
can be directly measured from the XRD data, and it is easier to treat in calculations, 
whereas no one can measure the wave functions experimentally. Hohenberg and Kohn 
(1964) introduced the basis for DFT: any fundamental state property of a system is a 
function of its electron density. The theory later expanded into practice when Kohn and 
Sham (1965) showed how energy can be divided into kinetic energy of an electron’s 
motion, the potential energy of nuclear electron attraction, electron-electron rejection, 
which includes coulomb as well as self-interactions, and exchange correlations. 

DFT calculations have been successfully used, for example, by Arndt et al. (2019), in 
which the authors investigated the binding mechanism on the surface of a carboxylic 
acid/magnetite, and Dzade et al. (2014) in a study on the adsorption of benzene on the 
surface of hematite. Moreover, Souvi et al. (2013) studied the reaction on hematite surface 
with H2, H2O and O2 whereas Santos-Carballal et al. (2014) studied surface orientations 
of magnetite crystals by the DFT methods. These studies are illustrative examples, and 
the extensive summary is not given here as the main aim of this thesis is not in the DFT 
calculations. 

5.2 Analytical techniques 

5.2.1 Particle size distribution 

The particle size distribution (PSD) has an important role in minerals processing. As is 
already mentioned, the dissolution process is strongly affected by the particle size 
distribution of solids, therefore, careful characterization is highly important prior to the 
process. Solid particles can be characterised using several techniques such as sieving, 
microscopic analysis, sedimentation and elutriation methods, and laser diffraction 
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methods (Seville and Wu, 2016). A laser diffraction technique was used in this thesis as 
it requires only small sample amounts, allows fast analysis and it is easy to operate. It 
should be pointed out that this technique does not determine the shape of particles, but it 
assumes that particles are spherical. 

Firstly, the solids are measured using laser diffraction equipment, which contains a He-
Ne laser, a unit for solid or slurry samples that is equipped with a mixer and a circulation 
system, and a detector for recording the intensity and angle of the diffracted beams. The 
solid sample is mixed with a suitable liquid (hydro unit) or with air (solid unit). The most 
common method is to use pure water into which the sample is added. After this, the slurry 
is pumped through a measurement cell through which the laser beam goes to the detectors. 
The obtained diffraction patterns are converted to the particle size distribution by utilising 
either the Fraunhofer or Mie diffraction theory (Seville and Wu, 2016). The Fraunhofer 
theory assumes that particles are spherical, only edges result in diffraction and the 
scattering angle is small which means that the particles should be greater than 20-50 µm. 
The Mie theory would provide more detailed information about the particle size 
distribution; however, the theory requires the understanding of optical parameters of the 
used liquid and the measured particles.  

5.2.2 BET specific surface area 

The specific surface area (SSA) of a solid is an important parameter in the process 
industry as well as in academia. For example, information on the specific surface area 
and changes in it can provide a tool for evaluating potential dissolution mechanisms and 
changes in it. The Brunauer-Emmet-Teller method (BET) is widely used to determine the 
specific surface area of solids (Brunauer et al., 1938). This method is based on the 
adsorption of nitrogen gas on a solid surface at a temperature close to the condensation 
temperature of nitrogen gas. The nitrogen gas molecules form a single layer on the surface 
of the solid and the BET specific surface area is calculated based on the knowledge of the 
area occupied by one nitrogen gas molecule. 

In practice, the equipment measures the amount and relative pressure of the adsorbed 
nitrogen gas and calculates the specific surface area from this information. The program 
creates a curve in which 1/[Qg(p/p0-1)] is plotted against p/p0, where Qg is the quantity of 
adsorbed nitrogen gas (mol kg-1) and p/p0 is the relative pressure, and the specific surface 
area can then be calculated based on this data. To remove all contaminants and 
atmospheric water from the solid surface, the samples are outgassed before the actual 
measurement. Schwertmann and Cornell (2000) have reported that an outgassing 
temperature of 100–150 °C and overnight treatment would be sufficient to remove 
physically adsorbed water. The treatment at these temperatures would not cause phase 
changes or conversion of iron oxides. 

Typically, the specific surface area of magnetite and hematite varies from 2 to 100 m2/g 
(Cornell and Schwertmann, 2003). 
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5.2.3 X-ray diffraction analysis 

X-ray diffraction (XRD) analyses are extensively utilized in the characterization and 
examination of fine powder materials for their crystal structure and chemistry (de Villiers 
and Lu, 2015). XRD is applied for crystalline minerals whereas undetected phases and an 
amorphous structure lead to the errors in the analysis. The measurements can be carried 
out in air or a required atmosphere and XRD does not usually require very complicated 
sample preparation. Moreover, the average crystal structure can be determined with this 
technique.  

In XRD, powdered solids are poured into a specific sample holder after which the sample 
is irradiated with a monochromatic beam. A detector measures the intensity of diffracted 
X-rays and finally a diffraction pattern (peaks of variable intensities at different 
diffraction angles) is obtained. The measured pattern is then compared with the patterns 
in a database (Powder Diffraction File (PDF)). As each mineral has its own diffraction 
pattern, the mineralogical structure of unknown sample can be obtained. If the unknow 
sample is very complex, the elemental composition of the sample is firstly analysed using 
a scanning electron microscope coupled to an energy dispersive spectrometer (SEM-
EDS), after which the sample is analysed using XRD. By knowing the elemental 
composition, it is easier to compare the obtained XRD pattern with the patterns in the 
database. The disadvantage is that the technique cannot usually analyse the concentrations 
below 5% because it is difficult to observe small peaks from background. However, the 
detection limit should not be a problem with pure iron oxides. The detection limit varies 
between the composition and can be in some cases roughly 1.5% (Khan et al., 2019). 

5.2.4 Scanning electron microscopy 

A scanning electron microscope (SEM) is an important tool in solid characterization to 
yield morphological, chemical, and structural information because it provides a direct, 
even nanoscale, high-resolution image of a solid surface. In SEM, an electron source 
produces an electron beam that scans the surface of a sample (Krishnan, 2021; Tonžetić, 
2015). The interaction between the surface and the electron beam produces a series of 
different radiations (including X-rays specific to each chemical element), which are then 
detected by various detectors placed in a chamber under vacuum pressure. To study the 
elementary composition of the solid sample, the X-rays are detected by a special energy 
dispersive spectrometer (EDS) detector, which is based on the emission of 
electromagnetic radiation. The high-resolution images are created using the 
backscattering (BSE) and secondary electrons (SE) beams, from which the BSE requires 
higher acceleration energy than the SE.  

Prior to the SEM analysis, the sample should be carefully prepared to meet the following 
conditions: 1) the surface must be clearly exposed, 2) the solids must form a uniform layer 
(in this case, conducting paste or adhesive tape are utilised), and 3) the solids must have 
good conductivity. For example, in the case of non-conductive materials, the sample can 
be covered with thin Au film. 
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5.2.5 Atomic absorption spectroscopy 

Atomic absorption spectrometry AAS is based on the ability of an atom to absorb the 
radiant energy of light. An air acetylene flame with a combustion temperature of 2000 °C 
to 2200 °C is typically used as an atomizer. In some cases, the temperature of the air-
acetylene flame is not high enough: therefore, another type of flame, nitrous oxide 
acetylene, should be used. Atomic absorption spectroscopy is simple to use, it is sensitive 
and selective, and operating costs are low. The spectrum and the measuring range limit 
the detection of the elements. In addition, the technology does not allow several different 
elements to be measured simultaneously, but each element requires its own luminaire. 
The technique determines the total content of the element, it does not determine the 
differences between the oxidation states, but titration using the phenanthroline 
coulometric method or capillary electrophoresis can analyse the different oxidation states. 

In flame atomic absorption spectroscopy (FAAS), a liquid sample is aspirated by a 
capillary into a nebulizer that forms an aerosol from the analyte solution. The spray is 
then mixed with air-acetylene gas, then passed through a gas jet gap and finally the 
analyte solution is atomized in a flame. The light beam passes through the flame to a 
detector that measures how much light is absorbed by the atomized element. An element-
specific hollow cathode lamp is used as a reference. The elemental concentration of a 
liquid sample is directly related to the amount of energy absorbed and is determined by 
comparing the sample to calibration solutions of known elemental concentration. 
Background correction eliminates errors due to molecular absorption and light scattering 
of solid particles in the flame. 

According to the standard method, the Fe concentration in the liquid phase can be 
measured using FAAS. The limit of detection for iron is as low as 0.02 mg/dm3 and the 
level of determination is 0.12 mg/dm3. The optimal wavelength is 248.3 nm, and the 
reliable measurement range is from 0.3 mg/dm3 to 10 mg/dm3 (Finnish Standards 
Association, 1980). 

5.2.6 Ion chromatography 

Ion chromatography (IC) is a rapid and sequential technique that allows the determination 
of common anions (negatively charged) and cations (positively charged) in liquid 
samples. Ion chromatography can be divided into two methods: non suppressed and 
suppressed methods (Haddad and Jackson, 2003). In the non-supressed method, the solute 
is transferred from the column directly to the detector, while in the suppressed method 
there is a suppressor between the column and the detector to reduce the background 
conductivity and improve the detection of the analytes.  

A liquid sample is injected into an eluent stream before the cylindrical column (the 
diameter of the cylindrical column is 4-9 mm, and the height is 15-30 cm). The column 
contains either low-capacity anion or cation exchange resins as a solid phase, and very 
often the eluent consists of sodium bicarbonate (appr. 1.0 mmol/dm3) and sodium 
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carbonate salts (appr. 2.7 mmol/dm3) (Finnish Standards Association, 2009). Different 
compounds flow through the column at their own flow rates, bypassing the suppressor 
and eventually entering the detector at different times. The pumping speed (appr. 1.2 
cm3/min) and the eluent concentration affect the detection times. The detector identifies 
each compound by producing a chromatogram and the concentration can be calculated 
from the area of the peak. In general, anions and cations have their own columns and 
eluents, i.e. the concentration of anions and cations cannot be analysed by a single 
column. However, the simultaneous separation of anions and cations is possible, for 
example by using the tandem method. The detection limit can be as low as 0.005 mg/ 
dm3.
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6 Materials and methods 

This Chapter summarises all materials experimental methods and analysis techniques 
used in this thesis. A similar experimental design was used in all Papers I-IV to yield 
comparative results. 

6.1 Materials 

All materials and chemicals used in Papers I-IV are listed in Table III. All chemicals 
were analytical grade and the solutions were prepared using Millipore-water (Merck). 
The main impurities in magnetite and hematite powders were carbon and sulphur, <1%. 
The volumetric particle size distributions are presented in Papers I-II and IV. 

Table III Materials and chemicals used in the experiments. 

Chemical/Material Content, % Supplier 

Oxalic acid dihydrate powder 99 Merck 

Sulphuric acid, H2SO4 96-98 Merck 

Nitric acid, HNO3 65 Merck 

Hydrochloric acid, HCl 37 Merck 

Magnetite, Paper I 98 Sigma Aldrich 

Magnetite, Paper IV 98 Alfa Aesar 

Hematite, Paper II 97 Alfa Aesar 

Hematite, Paper III, IV 98 Alfa Aesar 

6.2 Experiments 

All dissolution experiments were performed in a 1 dm3 glass reaction vessel in a 
controlled temperature and with sufficient mixing conditions, which were determined 
previously by Salmimies et al. (2012) for synthetic hematite powder with a similar 
particle size distribution. A schematic figure of the experimental setup is shown in Figure 
5. The initial mass of solid powder was 40 g in all solubility experiments and 12 g in all 
kinetic experiments. Samples were drawn from the reactor using a syringe, filtered 
through a 0.22 µm syringe filter, and the filtrate was diluted approximately 10 times using 
14 wt-% HNO3 or 16 wt-% HCl. The dilutions were done to avoid any precipitation in 
the samples prior to the analysis. Despite a lot of samples were collected from the reactor, 
the total sampling volume was under 5-7 % of the entire liquid volume. 



 Materials and methods 

 

40

 

Figure 5. Experimental setup. 

Solubility experiments were done with magnetite and hematite using different oxalic and 
sulphuric, or oxalic and nitric acid systems. The volumetric ratio between 
oxalic/sulphuric, or oxalic/nitric acid was varied. The corresponding acid concentrations 
of all the studied systems are listed in Table IV. The studied temperatures were 15, 35 
and 50 °C. All kinetic experiments were conducted using five different acid ratios and 
only at 35 °C. The experimental error, within 2 %, was quantified by repeating three times 
one solubility experiment (acid mixture of 50/50 at 50 °C) (Papers I-II and IV). 

Table IV The concentrations of oxalic, sulphuric, and nitric acid in different acid 
mixtures. 

 c(Ox), mol/dm3 c(H2SO4), mol/dm3 c(HNO3), mol/dm3 

O
x/

H
2S

O
4 100/0 0.330 0 - 

70/30 0.231 0.078 - 
50/50 0.165 0.130 - 
30/70 0.099 0.182 - 
0/100 0 0.260 - 

O
x/

H
N

O
3 100/0 0.330 - 0 

70/30 0.231 - 0.390 
50/50 0.165 - 0.650 
30/70 0.099 - 0.910 
0/100 0 - 1.30 
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6.3 Analysis 

6.3.1 Liquid phase 

The pH was measured directly from the reactor using either a WTW pH 401i-meter with 
a WTW SenTix 41 electrode or a Mettler Toledo Fe20/FG2 meter with a LE438 electrode. 
The reference electrolyte was a gel Ag/AgCl. The pH meter was calibrated with 
commercially available buffer solutions of pH 2 and 4. The accuracy of calibration was 
checked with the buffer solution of pH 1. 

The total Fe concentration was analysed using a flame atomic absorption spectrometer 
(Thermo Scientific iCE AA 3000), where the samples were diluted using 14 wt-% HNO3 
to reach the Fe calibration range between 0 and 7 mg/dm3.  

Oxalate, C2O4
2-, and nitrate, NO3

-, concentrations were analysed using ion 
chromatography (IC, Thermo Scientific Dionex ICS-1100) where all samples were 
diluted with Millipore water to meet the calibration range. The used eluent contained 4.8 
mmol Na2CO3, 0.6 mmol NaHCO3 and 0.2 g/dm3 4-Hydroxybenzonitrile and the 
calibration range was from 0.5 mg/dm3 to 40 mg/dm3 for both nitrate and oxalate (Paper 
IV). 

6.3.2 Solid phase 

A laser diffraction particle size analyser (Malvern Mastersizer 3000, Hydro EV unit) was 
employed to yield the volumetric particle size distribution. The solids were mixed with 
Millipore-water to yield slurry for the measurements. Each measurement was repeated 
five times and the reported particle size distributions were averages of five measurements. 
(Papers I-IV) 

A Gemini V series analyser with the FlowPrep degasser unit was employed to yield the 
BET specific surface area (Paper II). Prior to the actual measurement, the solids were 
dried overnight in an oven after which the solids were gently ground using a mortar and 
degassed at 120 °C for 18 h. After these pre-treatment steps, the analysis was carried out 
using the 5-point BET method. Each sample was measured two times, and the reported 
values were the averages of two measurements. 

X-ray diffractometric analysis (XRD, Bruker D8 Focus) were used to verify the 
mineralogical composition of used iron oxides (Papers I-IV). The XRD data was recorded 
from 10 to 70°2θ with the step size of 0.02°2θ and the scanning speed of 0.02°2θ s-1. The 
mineralogical phases were identified using the DIFFRAC.EVA software and the PDF4 
database.  

The analysis showed that magnetite and hematite were the only mineralogical phases in 
the original solid powders. A scanning electron microscope together with X-ray 
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diffraction (SEM, Hitachi SU 3500 Thermo Scientific, UltraDry SDD EDS) was used to 
estimate the elemental composition and morphology of the solids (Papers I-IV).
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7 Results and discussion 

The main research aim was to study how the mixing of oxalic acid with sulphuric or nitric 
acid affect the dissolution kinetics, thermodynamics, and mechanisms of iron oxides. To 
answer the research question, a comprehensive series of kinetic and thermodynamic 
dissolution experiments were carried out. An extensive set of kinetic models were tested 
in Papers I-II, whereas only the best model was tested in Paper IV, to determine the rate 
controlling step of dissolution. Solubility studies were carried out in Papers I-II and IV 
to investigate the effects of temperature and acid system on the solubilities of magnetite 
and hematite. Regression modelling was performed in Paper IV to determine the 
statistical significance of each variable. In Paper III, DFT calculations supported by the 
solid phase characterisation were carried out to visualise the reaction steps of the 
dissolution of hematite in oxalic acid. Finally, a new reaction step was proposed for the 
reaction scheme in Papers III-IV.  

This chapter summarises the main results presented in Papers I-IV, and the figures and 
tables are not reproduced in this section but can be found in the publications. 

7.1 Thermodynamics and kinetics of dissolution 

An extensive set of solubility experiments were done using different acid mixtures under 
moderate temperatures of 15, 35, and 50 °C. Since the main objective here was to 
determine the equilibrium solubility, an excess of magnetite or hematite (corresponding 
to a pulp density of 40 g/dm3) was used.  

The main results from the solubility experiments (Papers I-II and IV) can be summarised 
into the following points: 

o The dissolution of magnetite and hematite in sulphuric acid or nitric acid can be 
accelerated by adding a small amount of oxalic acid to the system. (Papers I-II, IV) 

o Magnetite in mixtures of oxalic and sulphuric acid: A higher amount of oxalic acid in 
the system did not automatically result in higher solubility. The maximum solubility 
was already reached with the acid ratio of 50/50 at 50 °C. Increasing the temperature 
from 15 to 50 °C increased the solubility. (Paper I) 

o Hematite in mixtures of oxalic and sulphuric acid: A higher amount of oxalic acid 
resulted in higher solubility. An increase in temperature from 15 to 35 °C resulted in 
higher solubility, whereas an increase from 35 to 50 °C did not change the solubility 
but had a profound effect on the kinetics. (Paper II) 

o Considering all the data presented in Papers I-II and IV, the lowest solubility was 
achieved with the acid mixtures of 50/50 (Ox./H2SO4 or Ox./HNO3) at 15 °C.  
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o Magnetite and hematite in mixtures of oxalic and nitric acid: The highest level of 
solubility was reached with pure nitric acid at 35 °C and unexpectedly not at 50 °C 
nor with pure oxalic acid. (Paper IV) 

 
The findings shown in Papers I-II and IV support the original hypothesis of this thesis: 
oxalic acid accelerated the dissolution of magnetite and hematite in sulphuric and nitric 
acid. For example, in 50/50 mixtures of oxalic and nitric acid, the experimental time was 
approximately 50% longer than in pure oxalic acid. However, pure oxalic acid systems 
facilitated the formation of humboldtine, which may in turn inhibit or even terminate the 
dissolution.  

A higher temperature resulted in accelerated dissolution because the higher temperature 
favoured the formation of Fe(II) ions in the solution, which in turn resulted in an increased 
rate of dissolution but did not automatically result in higher solubility. In the case of pure 
nitric acid, increasing the temperature from 35 to 50 °C resulted in an interesting finding; 
the solubility was higher at 35 °C than at 50 °C. The temperature of 50 °C clearly favoured 
undesired side reactions, which in turn prevented dissolution. This increase in 
temperature introduces more heat to the system, and the system tends to balance the 
excess heat energy by limiting the dissolution of magnetite and hematite in nitric acid. 

Considering all the data presented in Papers I-II and IV, the lowest solubility was 
achieved with the acid mixtures of 50/50 (Ox./H2SO4 or Ox./HNO3) at 15 °C. It is worth 
noting that the experiments in Papers I-II and IV did not include tests with pure oxalic, 
sulphuric, or nitric acid at 15 °C where the solubility could be even lower than in the acid 
mixture of 50/50. 

7.1.1 Modelling of iron oxide solubility 

The key finding is that the special cubic models describe the dissolution of magnetite and 
hematite well in mixtures of oxalic and nitric acid. Even though there are some limitations 
in the modelling, the models make it easier to examine the optimal parameters without 
laborious and long-lasting test series. 

A regression analysis was done using the data from the thermodynamic experiments when 
dissolving magnetite and hematite in mixtures of oxalic and nitric acid. A more detailed 
description can be found in Paper IV. 

The measured and calculated values with the special cubic models were in good 
agreement: the difference between the experimental and modelled values were below 8% 
for magnetite and below 4% for hematite. In the case of magnetite, temperature, oxalic 
acid concentration and the interaction term of T∙[HNO3] did not have statistical 
significance (p<0.05) on the solubility of iron whereas in the case of hematite, all other 
variables except temperature had the statistical significance (Table 2 in Paper IV). It 
should be noted that the interaction terms have a strong statistical significance; therefore, 
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the statistical significance of individual variables cannot be evaluated very precisely. The 
strong significance of the interaction term may also mask the findings discussed 
previously Chapter 7.1. None of the models did include the term T∙[Ox] as it obtained a 
coefficient of zero (for both magnetite and hematite), so the term was omitted from the 
models. This finding means that there was no linear interaction between the temperature 
and concentration of oxalic acid, which was also observed in the dissolution data collected 
during the thermodynamic studies. These modelling results indicated that the dissolution 
reactions are rather complex in the acid mixtures when compared to single acids, which 
explains the need for more complicated models in the case of acid mixtures. 

With a closer look of the surface plots in Paper IV (Figure 5 in Paper IV), the highest 
solubility of magnetite and hematite can be obtained with high nitric amount of nitric 
acid, with a low amount of oxalic acid at a moderate temperature. It should be noted that 
these models do not consider the kinetic or mechanistic aspects. The time required to 
reach equilibrium solubility is an important parameter in industrial and economic terms: 
the experimental time can be considerably longer in a pure nitric acid system bypassing 
the positive effect of high iron liberation. Even with the limitations of the modelling 
presented in Paper IV, the experimental models make it easier to investigate optimal 
parameters without laborious experiments. 

7.1.2 Kinetic modelling 

The Kabai model was the best model for describing the dissolution kinetics of magnetite 
and hematite in all acid systems. Some of the studied systems required the measured data 
to be divided into two linear sections of the Kabai model leading to two values of the 
constant a. This finding leads to the conclusion that the solid specific constant a should 
be connected to dissolving media, and it describes the changes in the dissolution 
mechanisms when the reaction proceeds.  

The dissolution curves from all kinetic experiments are shown in Papers I-II and IV 
(Figure 3 in Papers I-II and Figure 6 in Paper IV). All experiments were carried out with 
the same initial pulp density of 12 g/dm3 at temperature of 35 °C. Magnetite dissolved 
significantly faster than hematite in different acid systems. The same finding was made 
in the thermodynamic experiments which are further discussed in Chapter 7.3 (Papers I-
II and IV). This finding is due to the nature of the two solids (Sidhu et al., 1982). In the 
case of hematite, the rate of dissolution was slower as the reduction of Fe(III) to Fe(II) 
took place after which the solid formation was initiated and resulted in the liberation of 
Fe(II) ions into the solution. 

With a closer look at the rate controlling step of dissolution, all kinetic models presented 
in Chapter 4.1 were tested in Papers I and II, whereas only the best model was presented 
in Paper IV. It should be pointed out, that all models shown in Chapter 4.1 were tested 
for the dissolution data for Paper IV as well, but the other models could not be fitted to 
the experimental data over the whole extent of the reaction and, therefore, these models 
were not further discussed. Some of the other models could be fitted for some individual 
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cases (Papers I-II) but the Kabai model gave the highest coefficient of determination and 
the reconstructed fits of t-α-curves followed well the experimental data (Figure 5 in Paper 
I, Figure 4 in Paper II, and Figure 6 in Paper IV). Very often kinetic modelling is carried 
out using shrinking core models (Equations (4.4), (4.9) and (4.10)), but the results of 
Papers I and II showed that the shrinking core model could only describe part of the data 
collected. 

However, as it is reported in Papers II and IV, some of the studied system required at 
least two linear sections of the Kabai model. In these cases, the rate of dissolution was 
first controlled by two different chemical reactions: 1) the formation of Fe(II) into the 
solution, and/or 2) the formation of a solid product layer on the solid surface. When a 
sufficient quantity of Fe(II) ions has formed in the solution, the diffusion of oxalate or 
oxalic acid through the product layer begins to limit the dissolution process. Previous 
authors have also observed that the constant a varied in different acid systems, but the 
authors did not further discuss the reasons for the changes in the constant a (Ruan and 
Gilkes, 1995; Schwertmann et al., 1985; Schwertmann and Latham, 1986). 

The results of the kinetic studies led to the conclusion that the solid specific constant a 
varied in different acid systems, which was not the original finding by Kabai (1973). 
Based on the findings of this study, it is suggested that the solid specific constant a should 
be connected to the dissolving media, and it describes the changes in the dissolution 
mechanisms during the dissolution. Kabai (1973) did not use oxalic acid in the 
experiments, which might explain some of the findings. A more detailed discussion about 
the dissolution mechanisms and the solid phase after dissolution is presented in Chapter 
7.2. 

7.2 Dissolution mechanisms 

The key findings of Papers I-IV can be summarised to the following bullet points: 

o The results clearly showed the importance of sulphate adsorption as an accelerator of 
the rate of dissolution rather than the concentration of hydrogen ions. 

o In pure nitric acid systems, the rate of dissolution remained constant throughout the 
dissolution and NO3

- ions did not accelerate the dissolution. The dissolution took 
place via a slow protonation mechanism. 

o The dissolution mechanisms are more complex in oxalic acid than in sulphuric or 
nitric acid and include solid product precipitation, which can lead to changes in the 
solid phase. 

In this thesis, all kinetic experiments were performed at the temperature of 35 °C, 
therefore the dissolution in pure oxalic acid systems proceeded via reductive mechanisms 
as the non-reductive dissolution would require high activation energy, i.e. a higher 
temperature than 35 °C.  
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The shape of the dissolution curves for magnetite varied between different oxalic and 
sulphuric acid systems (Figure 3 in Paper I).  The shape of dissolution curves was clearly 
sigmoidal in pure sulphuric acid and slightly sigmoidal in a system containing 70% 
sulphuric acid and 30% oxalic acid. A slow induction period (liberation of Fe(II) into the 
solution) followed by accelerated dissolution was a direct indicator that the dissolution 
mechanism of magnetite in pure sulphuric acid was a combination of non-reductive and 
reductive dissolution.  

Previously Panias et al. (1996a&b) showed that the dissolution of magnetite in pure oxalic 
acid resulted in sigmoidal curves, but a sigmoidal shape could not be seen due to the rate 
of reaction. The dissolution curves of hematite in mixtures of oxalic and sulphuric acid 
were sigmoidal shapes, which indicated a slow induction period followed by an 
accelerated autocatalytic dissolution (Figure 3 in Paper II). The dissolution curve was 
almost linear in pure nitic acid, which suggested that the dissolution mechanism in pure 
sulphuric acid did not include the formation of Fe(II), which could further accelerate the 
rate of dissolution. 

In mixtures of oxalic and nitric acid, the shape of dissolution curves showed a similar 
trend for both magnetite and hematite: the shape was clearly sigmoidal when more oxalic 
acid was introduced into system (Figure 6 in Paper IV). In pure nitric acid, the rate of 
dissolution was constant and NO3

- ions did not accelerate the process itself. The linear 
shape confirms that the dissolution in nitric acid proceeded via slow protonation 
mechanism. 

If the dissolution would proceed through protonation both in pure sulphuric and nitric 
acid, it could be expected that the rate of dissolution could be faster in nitric acid system 
due to the higher proton concentration (the calculated hydrogen ion concentration was 1.3 
mol/dm3 in pure nitric acid and 0.52 mol/dm3 in pure sulphuric acid). However, the time 
needed to reach the equilibrium state was up to three times shorter in pure sulphuric acid 
systems than in pure nitric acid systems for both magnetite and hematite. These results 
clearly show the importance of sulphate adsorption as an accelerator of the dissolution. 

7.2.1 Behaviour of the pH during the dissolution 

The key finding is that the pH might be a suitable practical tool to follow the extent of 
dissolution even though it is not a direct indicator of the dissolution mechanism. 

Even though the pH was not kept constant during the experiments, the pH of the liquid 
phase was constantly monitored to gain additional information about the dissolution 
phenomenon because the concentration of anions in the solution depends on the pH 
(Panias et al. (1996b), Senanayake and Das (2004)). In Paper I the pH increased as the 
reaction proceeded and finally reached a steady state whereas in Paper II the pH 
decreased, after which the pH started to increase and reached a steady state. In Paper IV: 
The pH behaved in a similar way for magnetite and hematite until it finally reached a 
steady state (Figure 3 in Paper IV). The decrease in the pH took place due to the 
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generation of hydrogen ions in the solution or the formation of carbon dioxide gas. The 
dissolved carbon dioxide gas acts as a weak acid lowering the pH. The increase of pH 
indicated the consumption of hydrogen ions, which can be connected to two dissolution 
mechanisms: protonation, and complex formation. In all experiments, the pH seemed to 
follow the course of the reaction and the changes in the pH could be a result of changes 
in the dissolution mechanisms. 

7.2.2 The BET specific surface area of solid 

The key finding is that the BET specific surface area does not provide enough information 
about the dissolution mechanisms. 

The results of Paper II (Table 5 in Paper II) showed no drastic changes in the solid phase 
during the dissolution of hematite in mixtures of oxalic acid and sulphuric acid and no 
clear correlation between the BET specific surface area and the dissolution mechanisms 
could be observed as Kabai (1973) has previously observed. The changes in the BET 
specific surface area were within 2-10% during dissolution in different oxalic and 
sulphuric acid systems. The BET specific surface area of the original solid (10.94 m2/g) 
was already relatively small, which made it difficult to detect small changes, and the 
changes may also be within the range of experimental error. The most remarkable change 
was observed in a pure oxalic acid system where the specific surface area was 32.30 m2/g 
after the dissolution. The reason for this increase could be due to 1) the solid phase 
disintegrating into smaller particles, or 2) formation of solid product layer. The changes 
in the BET specific surface area in the pure oxalic acid system were in line with Lee's 
findings (Lee, 2005). Previously, Kabai (1973) and Levenspiel (1999) have suggested 
that changes in the specific surface area of BET can be associated with dissolution 
mechanisms, but based on the findings made in Paper II, the BET specific surface area 
was not measured in the following papers as it did not provide enough information about 
the dissolution mechanisms. 

7.2.3 Concentration of oxalate and nitrate during the dissolution 

The concentration of oxalates and nitrates does not provide direct information about the 
mechanisms and which reaction steps are operating. 

To provide an additional tool for the discussion on dissolution mechanisms, the 
concentrations of oxalates and nitrates were analysed in Paper IV (Figure 6 in Paper IV). 
The results showed a similar trend for both magnetite and hematite: a significant decrease 
in the oxalate concentrations and no remarkable changes in the nitrate concentrations, 
either in pure nitric acid or the acid mixtures. The systematic decrease can be explained 
either by 1) complex formation, and/or 2) the solid product formation, which both 
consume oxalates. In mixtures of oxalic and nitric acids, the decrease in oxalate 
concentration was observed without the formation of humboldtine, which might be due 
to the slow destruction of oxalate ions with nitric acid. The concentration of nitrate was 
stable over the whole extent of reaction suggesting that the nitrate ions do not take part in 
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dissolution. The nitric acid concentrations were relatively high, from 0.390 M to 1.3 M, 
therefore, the low consumption of nitrate ions may be masked in the analysis. An analysis 
of the concentrations of Fe(II) and Fe(III) ions using capillary electrophoresis (CE) and 
comparing the results with PHREEQC database (Thermoddem, 2019) showed that the 
nitric acid oxidised Fe(II) ions to Fe(III) when magnetite was dissolved in pure nitric acid. 
Due to relatively high initial nitrate concentration (1.3 mol/dm3) this oxidation step could 
not be seen with IC analysis of nitrate concentrations but was verified by the capillary 
electrophoresis analysis and thermodynamic database. 

7.2.4 Formation of humboldtine 

The use of only pure oxalic acid for the dissolution of iron oxides can be a significant 
drawback in the process as it could result in a sparingly soluble precipitate, also known 
as humboldtine. The addition of even low amounts of sulphuric and nitric acid is sufficient 
to inhibit the formation of humboldtine. 

The results of Papers I, III and IV showed the formation of humboldtine when dissolving 
magnetite and hematite in oxalic acid. The XRD analysis results of the solid phase after 
the dissolution, shown in Papers I, III and IV, verified the formation of humboldtine in 
pure oxalic acid (Figure 7 in Paper I, Figure 2 in Paper III, and Figure 7 in Paper IV). 
Figure 6A is an illustrative example of the formed yellowish humboldtine. The SEM 
images (Papers I, III and IV) and Figure 6B-C showed that the shape of crystals varied 
between magnetite and hematite origins, which indicated that humboldtine can crystallise 
in α-, β- or α@β- form.  The α@β- form means mixed shape crystals. In the case of 
magnetite origin, the shape of crystals was tetragonal whereas in the case hematite origin 
the crystals were large and in chain structure. 

 

Figure 6. Yellow humboldtine (A), an SEM image of a humboldtine crystal of 
magnetite origin (B), and of hematite origin (C). The concentration of oxalic 
acid was 0.33M and the temperature was 35 °C. 

As the results of the XRD and SEM analyses showed, the formation of humboldtine 
should be included in the reaction scheme presented in Chapters 3.1.1 and 3.2.1. The 
formation of humboldtine can be described by Equation (7.1). 

Fe(II) + C2O4
2-(aq) + 2∙H2O(l) ↔ Fe(II)C2O4∙2H2O(s)  (7.1) 
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The DFT calculations were carried out in Paper III to study the actual reaction steps, 
which lead to the formation of humboldtine. The DFT results showed that the oxalate 
adsorption was stronger and showed a larger electron transfer than bioxalate adsorption. 
The adsorption of C2O4

2- on the surface of hematite and the reduction of Fe(III) to Fe(II) 
were the key steps for humboldtine formation. A charge analysis showed that the 
reduction of the Fe was not very significant because the electron from the oxalate was 
shared by the whole hematite instead of reducing a particular Fe. Stone and Morgan 
(1987) also made a similar finding. Based on the DFT calculations presented in Paper 
III, the reaction proceeded first as the reduction of Fe(III) to Fe(II) by the C2O4

2-→2CO2 
reaction after which the remaining oxalate reacted with surface Fe(II) to form 
humboldtine.  

Based on the experimental results and DFT calculations in Paper III, it can be stated that 
the 1:2 molar ratio of Fe/Ox. is required to obtain humboldtine. If the Fe concentration 
would be 1 mol, 1 mol of oxalate is required for the electron transfer of Fe(III) to Fe(II), 
and another 1 mol is needed to form humboldtine. For example, previously Lee et al. 
(2006) have shown that an oxalate concentration of 0.26 mol/dm3 would not favour the 
iron oxalate dihydrate precipitation, but this was not the case here: the concentration of 
oxalate ions alone does not indicate the possible humboldtine formation but instead the 
ratio between iron and oxalate should be considered. The formation of humboldtine can 
be overcome by adding the oxalic acid gradually or shifting the reaction steps towards 
carbon dioxide formation. The formation of humboldtine was not observed in the systems 
containing low amounts of sulphuric or nitric acid, which indicated that the inhibiting 
problem may also be overcome by using acid mixtures. 
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8 Conclusions 

The aim of this thesis was to investigate the dissolution of magnetite and hematite in 
sulphuric and nitric acid using oxalic acid as a boosting agent. The work was based on 
thermodynamic and kinetic experiments performed at different temperatures with 
different acid mixtures. Kinetic modelling and regression analyses were used to analyse 
the data, in addition to an analysis of the solid phase. DFT calculations were performed 
to verify certain reaction steps. 

As it was hypothesised, oxalic acid improved the solubility of magnetite and hematite in 
sulphuric and nitric acids. This is because oxalic acid is a strong complexing agent that 
accelerates dissolution. Temperature accelerates the dissolution, but a higher temperature 
(above 35 °C) does not automatically result in better solubility. For example, higher 
temperatures accelerated side reactions in pure nitric acid, which then even terminated 
the dissolution of iron. From a practical point of view, it is an important finding that the 
similar solubilities can be achieved at lower temperatures (from 50 to 35 °C), because a 
higher temperature increases the energy consumption and thus the operating costs. The 
effect of the operating parameters can be investigated a special cubic model, which 
facilitates the study of optimal dissolution conditions instead of a laborious experimental 
work. Finally, it should be noted that the experiments should be performed at 
temperatures above 15 °C because all acid systems achieved the lowest solubility at this 
temperature. 

The results showed that the BET specific surface area of solids or analysis of oxalate or 
nitrate concentrations do not provide additional tools for the discussion of the dissolution 
mechanisms. Monitoring the pH, however, allows following the extent of dissolution, 
even though the pH is not a direct indicator of the dissolution mechanism. 

In pure oxalic acid systems, the formation of humboldtine (FeC2O4·2H2O) was observed, 
therefore, the formation reaction of this solid must be added to the original dissolution 
reaction mechanisms. Solid precipitation can be avoided by adding low amounts of 
sulphuric or nitric acid to the system because the solid formation does not take place in 
these acid mixtures. In addition, another way to avoid the formation of precipitate is to 
add oxalic acid gradually or to shift the reaction towards the formation of carbon dioxide. 
These findings are important for practitioners because the solid formation can be a real 
problem in dissolution based industrial processes, i.e. the regeneration of ceramic filters 
by acidic dissolution. On the other hand, humboldtine can be used in the production of 
battery anode material (An Ang et al., 2012; Keshvarz et al., 2022; Yao et al., 2019), for 
example, so this work also offers an interesting and simple alternative route to producing 
crystalline humboldtine. 

From a scientific point of view, this thesis provides new data for understanding the 
dissolution mechanisms in different acid mixtures. The results show that dissolution in 
acid mixtures cannot be directly described, for example, by the most used shrinking core 
models, but the dissolution kinetics were described by the variable rate controlling step 
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Kabai model. However, the solid-specific constant of the model varied across different 
acid systems, which was not in line with Kabai’s original findings. In this work, it is 
proposed that the constant a is linked to the dissolving medium and describes changes in 
the dissolution mechanism. 

Dissolution mechanisms in pure acids followed the mechanisms reported in the literature, 
but acid mixtures were much more complex systems. In acid mixtures, it was not 
straightforward to see which acid mechanism was more dominant. However, DFT 
calculations enabled the reaction steps to be studied, which cannot be seen in the 
experimental data. For example, DFT calculations showed that the oxalate adsorption and 
reduction of Fe(III) to Fe(II) played a key role in humboldtine formation. 

In the future, it would be valuable to carry out a more detailed study of the dissolution 
mechanisms in acid mixtures, for example, using DFT calculations. The DFT calculations 
would provide an opportunity to visualize and rationalize the reaction steps that play a 
key role in dissolution, as verifying these steps based on experimental data alone is 
challenging. Another interesting topic is the formation kinetics of humboldtine, as 
humboldtine is an interesting raw material for the future.
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Thermodynamic and kinetic dissolution experiments were performed at different temperatures and different
oxalic and sulfuric acid ratios by using synthetic magnetite powder. The Kabai model was the most appropriate
one for describing the dissolution kinetics of magnetite in mixtures of sulfuric and oxalic acid. The reaction rate
constant, k, at 35 °C was found to vary between 4.1 · 10−5 and 5.6 · 10−4 s−1 for the different acid ratios. The
solid specific constant of the Kabai model, a, was also found to vary in the different acid systems, suggesting
that changes in the solid take place during dissolution in different media. Increasing the oxalic acid content in
the solution phase yielded higher solubilities, as well as accelerated kinetics. Whereas kinetics was significantly
improved when increasing the oxalic acid fraction from 50 to 70, solubility no longer increased markedly.

© 2016 Published by Elsevier B.V.
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1. Introduction

The dissolution of iron oxides has been studied extensively for
several decades. Despite the numerous papers published on the topic,
certain aspects of the dissolution of hematite and magnetite are still
under discussion. The mechanisms of acidic dissolution are not fully
agreed on. Furthermore, whereas studies of individual acids to explain
the mechanisms are common, papers on mixtures of several acids are
few.

The dissolution of iron oxides by oxalic acid has attracted a lot of
attention in the course of years (Ambikadevi and Lalithambika, 2000;
Arslan and Oktay, 2009; Blesa et al., 1987; Cornell and Schindler,
1987; Huang et al., 2013; Lee et al., 2007; Lee et al., 2006; Mandal and
Banerjee, 2004; Martínez-Luévanos et al., 2011; Panias et al., 1996;
Siffert and Sulzberger, 1991; Taxiarchou et al., 1997a; Taxiarchou
et al., 1997b). Oxalic acid is in general a good leaching agent, as two of
the three identified dissolution mechanisms are possible in the system:
complex formation and reduction. The third dissolution mechanism for
iron oxides is protonation. For applications requiring only small quantities
of acid, oxalic acid can most likely be an effective choice of chemical, but
for processes requiring larger quantities, the use of oxalic acid is notwith-
out problems. The commercial acid is commonly provided as a solid
dihydrate powder requiring solid feeders and mixing tanks for the prep-
aration of the solution. Furthermore, the feeding of the powder can result
in dusting. Oxalic acid is also more expensive than the more commonly
used acids, for example sulfuric acid. Sulfuric acid is, however, not as effec-
tive leaching agent as oxalic acid, mainly because the dissolution of iron

oxides by sulfuric acid is argued to be based on protonation (Gorichev
and Kipriyanov, 1984), which is significantly slower than dissolution
through the other two mechanisms. However, dissolution with sulfuric
acid can be enhanced with the presence of an additional reducing agent
(Bruyere and Blesa, 1985). Veglio et al. (1994) found that with the addi-
tion of sucrose, a reducing agent, into sulfuric acid, the yield of iron extrac-
tion from hematite could be increased from 20 to 70% at the temperature
of 110 °C. The reaction did not proceed to a steady state, nor were the re-
action kinetics discussed further, as the focus of the paper was on the
study of the reductive step of the dissolution.

Salmimies et al. (2012) have shown earlier that the dissolution of
hematite in oxalic acid could be described best by using the Kabai equa-
tion instead of the shrinking core model used previously by other au-
thors (Lee et al., 2006). Several other kinetic models have also been
shown to describe the dissolution of iron oxides in acidic media. Discus-
sion on thesemodels can be found in Salmimies et al. (2012). The original
Weibull (1951)model, which is part of the foundation of the Kabai equa-
tion, has been used in describing the dissolution of pharmaceuticals as
well. However, the model has been criticized for not being based on the
fundamental phenomena of dissolution (Costa and Lobo, 2001), but on
a mathematical interpretation. Kabai (1973) has attempted to construct
meaning for the mathematical parameters in the model. Schwertmann
et al. (1985) have applied the Kabai model in explaining the dissolution
kinetics of a number of goethite samples prepared at different tempera-
tures. The authors conclude that the variation in the value a for the goe-
thites investigated was so small that the value could be considered a
constant. However, the variation was much larger than it was in the in-
vestigations of Kabai (1973). Schwertmann and Latham (1986) have
shown that when having a mixture of two solids, the dissolution kinetics
of the two solids can be expressedwith the Kabai model by using two fits
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separately. This obviously supports the conclusions of the Kabai model
having different values of a for different solids. Ruan and Gilkes (1995)
madedissolution experimentswith only one substance, andwere still un-
able to describe the dissolution profiles in all cases by using only one fit of
the Kabai model. Consequently, it seems that many authors have come
across the same phenomenon – described by the variation in a – when
using the Kabai model.

The objective of this work is to study the dissolution of magnetite in
mixtures of oxalic and sulfuric acid to determine whether themixing of
these two acids would change the thermodynamic equilibrium, and
whether it would affect the reaction kinetics significantly.

2. Materials and methods

2.1. Materials

Analytical grade oxalic acid dihydrate fromMerck (99%, Darmstadt,
Germany) and sulfuric acid fromMerck (96–98%, Darmstadt, Germany)
were used to prepare the leaching solutions. The concentrations of the
oxalic and sulfuric acid in this study were 0.33 and 0.26 mol/L, respec-
tively. These concentrations were chosen to correspond to the concen-
trations of the acids in previous studies by the authors (Salmimies
et al., 2011; Salmimies et al., 2012).

The X-ray diffraction (XRD) pattern and the particle size distribution
of the magnetite powder are presented in Fig. 1. The particle size distri-
butionwasmeasuredwith a Beckman Coulter LS 13320 laser diffraction
particle size analyzer, and the chemical composition was confirmed by
using a Bruker D8 Focus X-ray diffractometer with CuKα radiation.
The XRD data was recorded from 5 to 70°2θ with a step size of 0.02°2θ
and scanning speed of 0.02°2θ s−1. Furthermore, the morphology of
the particles was investigated by using a Malvern Morphologi G3,
which revealed several different shapes: spheres, elongated cylinders
and irregularly shaped particles.

2.2. Experimental

The experiments were carried out in thermostated glass reactors,
with a reaction volume of 1 L, equipped with a pitched blade turbine
and four baffles. A standard assembly according to Tatterson (1994)
was used. The stirring speed was 800 rpm, which had been determined
previously for a hematite powder with a similar particle size distribu-
tion (Salmimies et al., 2012).

The oxalic and sulfuric acid solutions were first thermostated to the
desired temperature, afterwhich the solidswere added andmixingwas
commenced. The mass of the solids for each thermodynamic experi-
ment was 40 g, and for each kinetic experiment 12 g. The quantities
needed naturally be different, as reaching the solubility limit was the
target for the first, and for the latter, complete dissolutionwas expected
to take place in most of the experiments.

Samples of the liquid phasewere drawn at regular intervals by using
a syringe equipped with a syringe filter. The reaction was allowed to
proceed to an equilibrium state and terminated after that. The samples
were diluted 10 times with 14 wt.% nitric acid to avoid precipitation of
any iron compounds before analysis. The samples were analyzed for
Fe concentration with a Thermo Scientific iCE 3400 flame atomic ad-
sorption spectrometer. Further dilution to have the sample concentra-
tion fit the calibration range was also done with the HNO3 described
above. To ensure that no silicon (Si) contamination of the solution
phase took place while operating the glass reactors in highly acidic con-
ditions, Si concentrations were also measured in the solution phase. No
Si was found in the samples.

As the leaching solutions were mixtures of two acids, the volumetric
ratio between the oxalic and sulfuric acids was varied. The studied ratios
(Ox:H2SO4) were 30/70, 50/50 and 70/30. The corresponding molarities
of the acid ratios of 0/100, 30/70, 50/50, 70/30 and 100/0 were 0.26,
0.28, 0.30, 0.31 and 0.33, respectively. The kinetic experiments were per-
formed at 35 °C (5 experiments). This temperaturewas selected based on
earlier experiments with hematite in oxalic acid. In the case of thermody-
namic experiments, a full set of experiments with the different acid ratios
was done at 50 °C (3 experiments). In addition, themixture with the acid
ratio of 50:50 was studied at 15 and 35 °C as well (2 experiments). The
experimental conditions are presented in Table 1.

The experiments were performed in randomized order. The experi-
mental error in this case was approximately 2% and was quantified by
repeating data point 7 three times.

Solid samples were drawn from the reactor to study their composi-
tion using XRD and energy dispersive X-ray spectroscopy (EDS) and to
image them using a Zeiss scanning electron microscope (SEM).

Table 1
The experimental conditions for performing the dissolution of magnetite in mixtures of
oxalic (Ox) and sulfuric acid at different temperatures. The concentrations of the oxalic
and sulfuric acid in all the experiments were 0.33 and 0.26 mol/L, respectively.

No Type Ox:H2SO4, [−] T, [°C] Initial pH, −

1 Kinetic 0:100 35 0.61
2 Kinetic 30:70 35 0.77
3 Kinetic 50:50 35 0.91
4 Kinetic 70:30 35 1.00
5 Kinetic 100:0 35 0.97
6 Thermodynamic 0:100 50 n.a.
7 Thermodynamic 30:70 50 0.75
8 Thermodynamic 50:50 50 0.97
9 Thermodynamic 70:30 50 1.01
10 Thermodynamic 100:0 50 n.a.
11 Thermodynamic 50:50 15 0.75
12 Thermodynamic 0:100 35 0.69
13 Thermodynamic 50:50 35 0.96
14 Thermodynamic 100:0 35 n.a.

Table 2
Coefficients of determination (R2) and reaction rate constants (k) for the Kabai equation
for different acid ratios at 35 °C.

Ox:H2SO4, [−] Initial pH, − R2, [−] k, [s−1]

0:100 0.68 0.99 2.8 · 10−6

30:70 0.77 0.90 4.1 · 10−5

50:50 0.91 0.94 2.1 · 10−4

70:30 1.00 0.98 5.6 · 10−4

100:0 0.99 0.98 7.4 · 10−4

Fig. 1. (a) XRD pattern and (b) particle size distribution of magnetite powder. MGN refers
to a peak characteristic to magnetite.
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2.3. Modeling

In this study 12 models, summarized by Cornell and Schwertmenn
(2003), were tested to find the best one to describe the dissolution of
magnetite in mixtures of oxalic and sulfuric acid. The models are pre-
sented in Eqs. (1) to (12).

α2 ¼ kt ð1Þ

1−αð Þ ln 1−αð Þ þ α ¼ kt ð2Þ

1− 1−α1=3
� �h i2

¼ kt ð3Þ

1−
2
3
α

� �
− 1−αð Þ2=3 ¼ kt ð4Þ

− ln 1−αð Þ ¼ kt ð5Þ

− ln 1−αð Þ½ �1=2 ¼ kt ð6Þ

− ln 1−αð Þ½ �1=3 ¼ kt ð7Þ

ln ln
1

1−α

� �
¼ a lnkþ a lnt ð8Þ

1− 1−αð Þ1=2 ¼ kt ð9Þ

1− 1−αð Þ1=3 ¼ kt ð10Þ

α1=n ¼ kt ð11Þ

lnα ¼ kt ð12Þ

where α is the extent of reaction, ranging from 0 to 1 (−), k is the reac-
tion rate constant (s−1), t is time (s), and a is an estimated parameter
(−). The extent of reactionwas determined as the ratio of concentration
of dissolved iron to concentration of initially added iron. Complete
dissolution was achieved during the kinetic experiments, except for
the acid mixture 30:70 where the solubility limit was met. The testing
of the various models was done by plotting the left hand side of the
equation, from now on denoted as Y, as a function of time, or, for
Eq. (8), as a function of logarithmic time.

The physical background of the equations for dissolution, of which a
summary is included here, has been extensively reviewed by Brown
et al. (1980). Eqs. (1), (2), (3), and (4) describe diffusion of a reactant
or of the reaction product to or from the boundary layer as the rate de-
termining step. Eq. (1) is generally regardedwith reactants occurring in
thin sheets, Eq. (2) describes the dissolution of cylindrical particles, and
Eqs. (3) and (4) apply for spherical particles. Eq. (5) represents the first
order randomnucleation,which is a surface reaction andmay take place
in the final stages of solid phase decomposition. All the equations above
are described by deceleratory t–α curves yielding yet another tool to
evaluate the suitability of a kinetic model in describing the data. The
two Avrami–Erofe'ev equations (Eqs. (6) and (7)) exhibit sigmoidal
t–α curves and have been observed to be valid over a wide range of α.
The difference to Eq. (5) originates from the denominator of the expo-
nent. For Eq. (5) the denominator could be considered 1, whereas for
Eqs. (6) and (7) it is 2 and 3, respectively. The different denominators re-
late to crystal growth characteristics, as the assumption that the reaction
is initiated at the edges or surface cracks of the solid is incorporated into
the Avrami–Erofe'ev treatment. Eqs. (9) and (10), in turn, consider the re-
action to be initiated at all faces of the solid. Eq. (9) can be considered
when dissolving cylindrical particles, and Eq. (10) applies for cubical
and spherical particles. Eqs. (11) and (12) represent the power and the
exponential law, respectively, and have acceleratory t–α curves.

Eq. (4) represents the diffusion-controlled shrinking core model
mentioned above, whereas Eq. (10) represents the cube root law. The
Kabai equation (Eq. (8)) is a partial development of theNernst equation,
and represents a surface reaction. Calculating ln(t) in the Kabai model
was done by using seconds as the unit of time.

The Kabai equation has been partially derived from theNernst equa-
tion, which in its original form describes the saturation difference be-
tween the bulk phase and the boundary layer as the driving force for
apparent dissolution. However, the Nernst equation in its original
form does not apply in all cases, due to an underlying assumption on
the reaction order. To overcome this limitation, Kabai (1973) has tried
to describe the reaction rate constant, k, through the expression K(α/
(t1-α)), which has been experimentally derived to account for various
dissolution profiles. He has then combined a fundamental reaction
rate expression with a mathematical formulation and compared the
outcome with his experimentally derived equation. It is worth noting
that by doingwhat Kabai did, wewill lose the reaction order or any abil-
ity to identify the reaction order based on the kinetic model itself, as the
result is no longer a model based purely on dissolution phenomena.

3. Results

The effect of the acid ratio was investigated in thermodynamic and
kinetic experiments. The effect of temperature was only investigated
in thermodynamic experiments.

3.1. Thermodynamics of the reaction

The data for the thermodynamic experiments is presented in Fig. 2.
The solubility of magnetite in different acid mixtures seemed to vary
between 6 500 and 11 000 mg/L. The lowest solubility was observed at
the lowest temperature, 15 °C, with acid mixtures of 50:50 and 0:100.
The solubility of magnetite at 50 °C in acid mixtures of 50:50 and 70:30
was approximately the same, around 10 500 to 11 000 mg/L. This could
indicate that the maximum solubility of magnetite in these specific acid
mixtures is reachedwith the 50:50 acid ratio, and increasing the quantity
of oxalic acid would result in no or only little changes in the solubility of
magnetite. Increasing the temperature increased the solubility, but the ef-
fect was more significant when increasing the temperature from 15 to
35 °C than from 35 to 50 °C. Considering the experimental error, ap-
proximately 2%, a change in solubility can still be observed between the
highest temperatures: at 50 °C approximately 10 100 mg/L and at 35 °C
approximately 9 500 mg/L. The difference between the two is merely
6%, and it may be possible that increasing the temperature further
would not result in any significant increase in solubility.

A steady increase in the pH, which seemed to follow the course of
the reaction, was observed in all the experiments. The increase in the
pH could indicate a consumption of hydrogen ions, which would be in
line with reactions presented by other authors for the dissolution of
iron oxides through protonation and complex formation. However,
this observation was different to previous studies of hematite dissolu-
tion in oxalic acid, where an initial decrease followed by steady increase
was observed (Salmimies et al., 2012). The presence of sulfuric acid in
the system could in this case buffer the solution, leavingminor changes
in the pH undetected.

3.2. Overall kinetics of the reaction

The data for the kinetic experiments is presented in Fig. 3. To show
the differences in dissolution kinetics, the data has been plotted on a
logarithmic x-axis. The reader should keep inmind that this representa-
tion distorts the actual shape of the dissolution curves. The shape of the
dissolution curves for the thermodynamic experiments was the same
for all the experiments, except for the one done at 15 °C. As with the
thermodynamic experiments, a sigmoidal shape of the dissolution
curves was observed in the kinetic experiments as well. Bruyere and
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Blesa (1985) have also observed varying dissolution curves and suggest,
in the line of Gorichev and Kipriyanov (1984), that this would be due to
geometrical effects from the solid powder. Here, the changes in the
shape of the dissolution curve were observed in two cases where the
rate of reaction was significantly decreased in comparison to the other
cases, which seems slightly too systematic to be a result of differing par-
ticle sizes or shapes within the used magnetite powder. The slower ini-
tial dissolution and the accelerated primary dissolution represent
possibly the induction and autocatalytic periods of reductive dissolution
summarized by Panias et al. (1996). The presence of these two periods
verifies the dissolution mechanism in pure sulfuric acid being a combi-
nation of non-reductive and reductive dissolution.

A steady increase of the pH was also observed during the kinetic
experiments.

3.3. Kinetic modeling

The kinetic modeling yielded similar results for all the kinetic exper-
iments: the Kabaimodelwas themost applicable in this case to describe
the dissolution (Fig. 4). Interestingly, none of the other models seemed
to fit the dissolution profiles in all the acid mixtures, although some of

them have been shown to describe the dissolution of hematite in oxalic
acid fairly well (Salmimies et al., 2012). The coefficients of determina-
tion (R2) for the linear fits for all the other models were significantly
poorer than for the Kabai models when considering the whole data
set. The linear fits exhibited significant curvature, but because of the
poor fit, the models have not been included here. Whereas in some
other cases an argument can be made that e.g. the shrinking core model
provides a good enough kinetic model for the data set, in our case the
other models were not even close to describing the dissolution kinetics
when considering the full range of the experiments.

The Kabai equation was the only one yielding satisfactory coeffi-
cients of determination: 0.99 for 0:100, 0.92 for 30:70, 0.94 for 50:50,
0.98 for 70:30 and 0.98 for 100:0. The fit was slightly poor only for
30:70, as can be seen in Fig. 4. The goodness of the fit was lowered by
the first data point, but the data point was, however, not discarded as
the dissolution curves showed no deviation there, and experimental
error was thus not considered plausible. The data was consistent. The
shape of the dissolution curves was variable for the systems studied
here. The shape of the dissolution curve in pure sulfuric acid was clearly
sigmoidal. According to previous studies with magnetite (Blesa et al.,
1987; Panias et al., 1996), the reaction proceeds through the liberation

Fig. 2. Concentration of dissolved Fe in the liquid phase during thermodynamic experiments at different temperatures and acid ratios.

Fig. 3. Concentration of dissolved Fe in the liquid phase during kinetic experiments at
different acid ratios. The temperature was 35 °C.

Fig. 4. Linear fits for the Kabai model for each kinetic experiment done at different acid
ratios. The temperature was 35 °C.
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of Fe(III) ions into the solution, increasing the rate of reaction. The
sigmoidal shape of the dissolution curve, indicating a slow induction pe-
riod followed by an increase in the rate of dissolution, is most likely due
to the suggested slower liberation of Fe(III), which then later catalyzes
the reaction.

As expected, a decreased rate of reaction was observed when the
quantity of sulfuric acid was increased. The coefficients of determina-
tion and obtained reaction rate constants, k, for the Kabai models for
each of the acid combinations are summarized in Table 2.

With pure oxalic acid, the kinetics of dissolutionwas significantly in-
creased in comparison to different acid mixtures, and especially pure
sulfuric acid. In addition to slower overall kinetics, using pure sulfuric
acid as the dissolvent resulted in a very slow induction period.

For individual cases, some models performed quite well. For exam-
ple, for the system where only oxalic acid was used, the Avrami–
Erofe'ev models gave good coefficients of determination (0.99 and
0.98 for Eqs. (6) and (7), respectively) and good fits. However, the
models did notfit the other systems studiedhere. In the case of pure sul-
furic acid, Eq. (5) also had a good coefficient of determination (0.95), but
the linear fit was not satisfactory throughout the whole reaction. The
linear fit for the Kabai model was better, and is shown for each of the ki-
netic experiments in Fig. 5. It is understandable that some of themodels
based on specific geometrieswould fail, as the solid particles used in this
study exhibited severalmorphologies instead of just one specific geom-
etry. If the dissolution of the differently shaped particles was better
known,maybe a combination of themodels based on spheres and cylin-
ders could yield a satisfactory result.

According to the approach of Kabai (1973), a is a constant dependent
on the solid phase only. However, here the constant varied for the dif-
ferent acid systems. This observation seemed strange, as all the experi-
ments were conducted with the same synthetic solid powder. The
reason for this finding may be that changes in the solid phase, other
than decreasing dimensions, take place during the dissolution, thus
leading to differences in the constant a. Further investigations with a
Zeiss field emission scanning electron microscope (FESEM) were
made to study if a solid product layer would be the cause for the dif-
ferences. As can be seen in Fig. 6, the images revealed significant differ-
ences in the solid samples after the dissolution, although not explicitly
the presence of a product layer. In the oxalic acid dissolution, the

small remaining iron oxide particles had attached to crystals of
unknown origin. In themixture and in the sulfuric acid system, aggrega-
tion and possibly also precipitation had taken place during the dissolu-
tion. Very large spherical aggregates were found in the samples of the
sulfuric acid dissolution. The aggregates were slightly less spherical in
the mixture of the two acids. If these changes were gradual, taking
place through the course of the dissolution, this might lead to the
Kabai model estimating different a for the different systems. For oxalic
acid and themixtures, the sampleswere analyzed only at the late stages
of dissolution, but two samples were taken in the case of the sulfuric
acid system: one at the early stages of dissolution and another at the
end. Both these samples showed the same aggregation, indicating that
the changes in the solid were gradual and not characteristic only to
later stages of the dissolution. To investigate the solid phase composi-
tion further, XRD and EDS analyses were done to identify the chemical
composition of the solids. The XRD analysis showed merely magnetite
in the experiments where pure sulfuric acid was used, whereas an
iron(II) oxalate, humboldtine, was identified in the experiment where
pure oxalic acid was used. The data is presented in Fig. 7. The dissolution
in the acidmixture of 50:50 yieldedmostlymagnetite but also an emerg-
ing unidentified peak,whichmay have arisen fromhumboldtine forming.
The EDS results from the SEM confirmed the presence of increased quan-
tities of oxygen (42 wt.%) and carbon (11 wt.%) in the solids in the pure
oxalic acid experiments. The Fe content was 47 wt.%. The chemical com-
position, i.e. the stoichiometric relationship of Fe and O, of the solids in
the pure sulfuric acid dissolution corresponded to the chemical composi-
tion of magnetite, as identified by the XRD results as well. The sample
drawn from the acid mixture showed increased oxygen (24 wt.%) and
carbon (8 wt.%), but these concentrations were still lower than for the
solids in the pure oxalic acid experiments.

Although the Kabai model was fairly good in describing the full
extent of the dissolution, systematic changes in the slopewere observed
in the data. The first data points together exhibited higher slopes than
the overall data set, whereas the last data points exhibited lower slopes
than the overall data set. It is difficult to identify where the exact point
of change in the solids would be. With plotting, just the first three data
points of each experiment with pure sulfuric acid and the mixtures, the
slopes were 0.79, 0.85, 0.47 and 0.65 in decreasing order of sulfuric acid
fraction. Although a significant difference still remained between the

Fig. 5. Kabai fits for kinetic experiments done at the acid ratio of (a) 0:100, (b) 30:70, (c) 50:50 and 70:30, and (d) 100:0. The temperature was 35 °C.
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systems of the lowest and highest sulfuric acid fractions, now the
constant a in the pure sulfuric acid was quite close to the constant in
the 70% sulfuric acid.

The interpretation of the rate-limiting step and the reaction mecha-
nism in the Kabaimodel is based on the constant a. With a closer look at
the coefficients a for the different systems, according to Kabai (1973)
the systems composed of acid mixtures were diffusion-controlled

(a b 1). The pure oxalic acid system and the pure sulfuric acid system
were, in turn, controlled by the rate of the chemical reaction (a ≥ 1).
Both Eqs. (5) and (6), which performed well for the pure acids, apply
for systems where the reaction rate is the controlling factor instead of
diffusion, which supports the suggestion from the Kabai equation. In
the sulfuric acid system, the chemical reaction at the solid/liquid inter-
face was the rate-limiting step, but with the introduction of the oxalic
acid boost into the system, the rate limitation shifted from the surface
reaction to diffusion. When further progressing into a pure oxalic acid
system, diffusion as the rate-limiting factor seemed to be replaced by
the surface reaction yet again. This is quite an interesting observation,
which might merit more investigations in the future.

The change of the solid phase during dissolution could explain the
observed differences in a, but the constant plays also an important
role in the Kabai model in the mechanism of dissolution. In the case of
the pure sulfuric acid system, a slower induction period could be seen
in the data. This induction period, most likely corresponding to the
liberation of Fe(III), was not seen in the data for the pure oxalic acid,
but this could have been due to the rate of the reaction. Panias et al.
(1996) suggest that also in the case of oxalic acid, the liberation of
Fe(III) would be the initial step in the dissolution. Based on the constant
a, the samemechanismwould be suggested for both pure acid systems.
The mechanism has been named as disintegration, referring to the ini-
tial stages of the dissolution process.

Baumgartner et al. (1983) suggest the following reaction mecha-
nisms for the dissolution of magnetite in oxalic acid. The initial step in
the dissolution is complex formation according to Eq. (13). The oxalate
groups replace the OH-groups on the solid surface.

−FeIII−OHþ −OOC−COOH↔−FeIII C2O4ð Þ þH2O: ð13Þ

The Fe(III) oxalate complex is then dissolved during the induction
period.

FeIII C2O4ð Þ↔Fe C2O4ð Þþ absorbedð Þ↔Fe C2O4ð Þþ bulkð Þ: ð14Þ

After a sufficient amount of soluble Fe(II) is formed and the ratio
between the Fe(III) and Fe(II) complexes is stabilized, the dissolution is
followed by fast reductive dissolution. The reductive dissolution can pro-
ceed according to the electron-transfer reaction Eqs. (15) and (16).

FeII C2O4ð Þ adsorbedð Þ þ FeIII C2O4ð Þ↔FeIIIðC2O4Þ4
þ
adsorbedð Þ

þ ‐FeII C2O4ð Þ ð15Þ

‐FeII C2O4ð Þ↔Fe C2O4ð Þ adsorbedð Þ↔Fe C2O4ð Þ bulkð Þ: ð16Þ

Both these steps can be rate-determining. If Fe(II) is added into the
solution, the dissolution follows Eq. (15) and the slow induction period,
Eq. (14), disappears.

It is worth noting that the speciation of oxalic acid is dependent on
the pH. Lee et al. (2007) have for example depicted the speciation of
oxalic acid as a function of pH. At a very low pH, i.e. significantly
below 1, the fraction of HC2O4

− is lower than at a higher pH. The pH
used in this study was far from the previously proven optimum, but ac-
knowledging that the initial pH of the solutions studied here varied
from approximately 0.75 to 1.00, we can speculate on the possible ef-
fects. At the highest pH, the quantity of the needed complex forming
species can be doubled in comparison to the lowest pH.

Although progressing through different chemical reactions, the dis-
solution of iron oxides with both oxalic and sulfuric acid exhibited the
initial release of Fe(III) and could thus be regarded as having the same
initial mechanism in that perspective. No obvious reason as to why
themechanismwas different for the acidmixtures can be given. The in-
terpretation of the implications of a on the reaction mechanism is very
interesting. If the overall reaction rate is truly in both pure acid cases
controlled by the rate of a surface reaction, in both cases – with

Fig. 6. FESEM images of the residual solid in (a) oxalic acid, (b) oxalic + sulfuric acid and
(c) sulfuric acid dissolutions.
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presumably very differing chemical reactions – we need to have a spe-
cific slow reaction step to cause this. With introducing oxalic acid into
a sulfuric acid system, or the otherway around, we are able to overcome
the slowness of this specific reaction step to move to diffusion control-
ling the reaction rate. What that specific reaction step is in the two sys-
tems, cannot be determined on the basis of this study, but is surely of
interest in future investigations.

The original investigations of Kabai (1973) did not include magne-
tite, but several hematite samples were used in the study. Furthermore,
the particle size, the pulp density or the reaction timewas not explained
explicitly in the paper. The experiments were done in the presence of
excess acid, meaning that complete dissolution should always have
been observed. In this study that demandwas not satisfied for all exper-
imental points. The data contained experiments with both complete
and incomplete dissolution of the solid. Despite complete dissolution
taking place and the obvious requirement of excess acid being fulfilled,
different awas still observed. The lack of excess acid thus does not seem
to offer an explanation to the discrepancies. Schwertmann et al. (1985);
Schwertmann and Latham (1986) and Ruan and Gilkes (1995) have all
presented similar findings for pure substances as those described in this
paper. They have, however, not offered further elaboration as to why
these observations were made, and Schwertmann et al. (1985) in fact
proposed the variation in the constant a to be insignificant, and that
the findings would explicitly support the data of Kabai (1973), where
the variation in a was significantly smaller. The proposition of Ruan
and Gilkes (1995) on using two fits of the Kabai on a pure substance
was not further discussed by them in the light of possible changes in
the solid taking place during dissolution. These changes could have
resulted in the need for two slopes and thus two values of the constant
a, which the authors reported to have found. Schwertmann and Latham
(1986) have shown that two chemically different substances require
two fits. These previous investigations support the conclusions made
in this paper.

4. Conclusions

The dissolution of magnetite in solutions of oxalic and sulfuric acid
was investigated in this paper. Twelve kinetic models were tested to
explain the dissolution profiles, and one, the Kabai model, was chosen
as the most appropriate in describing the dissolution in all the studied
conditions. It is worth noting that the treatment of Kabai means that
the order of reaction cannot be identified through the kinetic equation.
However, it is important to acknowledge that the other studied models
here were not suitable for describing the full extent of the dissolution
nor the dissolution in varying conditions. The dissolution mechanisms
when using a semi-empirical correlation, as that of Kabai's, is a different
matter altogether.

The Kabai model contains a solid-specific constant a, which in this
study was found to vary for the different acid systems. This observation
would be in contradiction with the assumptions of the Kabai model,
unless changes in the solid during the dissolutionwere considered. Pre-
vious investigations reporting this change in the constant a have not
elaborated on the implications of the finding. In this paper it was argued
that changes in the solid, observed through SEM images and XRD data,
are the cause of differing values for the constant a. The data presented
here sheds some light to the chemical effects encountered in acid mix-
tures, especially the changes in the solid phase, and provides further un-
derstanding for technical purposes and an additional tool to develop the
understanding on the dissolution mechanism further.

Acknowledgments

The authors would like to acknowledge the contributions of SIB Labs
at the University of Eastern Finland for providing the SEM images.

References

Ambikadevi, V.R., Lalithambika, M., 2000. Effect of organic acids on ferric iron removal
from iron-stained kaolinite. Appl. Clay Sci. 16, 133–145.

Arslan, V., Oktay, B., 2009. Removal of Fe from kaolin by chemical leaching and
bioleaching. Clay Clay Miner. 57, 787–794.

Baumgartner, E., Blesa, M.A., Marinovich, H., Maroto, A.J.G., 1983. Heterogeneous electron
transfer as a pathway in the dissolution of magnetite in oxaic acid solutions. Inorg.
Chem. 22, 2224–2226.

Blesa, M.A., Marinovich, H.A., Baumgartner, E.C., Maroto, A.J.G., 1987. Mechanism of disso-
lution of magnetite by oxalic acid–ferrous ion solutions. Inorg. Chem. 26, 3713–3717.

Brown, W.E., Dollimore, D., Galwey, A.K., 1980. Reactions in the solid state. In: Bamford,
C.H., Tipper, C.F.H. (Eds.), Comprehensive Chemical Kinetics. Elsevier, Amsterdam,
pp. 41–109.

Bruyere, V.I.E., Blesa, M.A., 1985. Acidic and reductive dissolution of magnetite in aqueous
sulfuric acid. Site binding model and experimental results. J. Electroanal. Chem. 182,
141–156.

Cornell, R.M., Schindler, P.W., 1987. Photochemical dissolution of goethite in acid/oxalate
solution. Clay Clay Miner. 33, 347–352.

Cornell, R.M., Schwertmenn, U., 2003. The Iron Oxides. second ed. Wiley-VCH, Weinheim.
Costa, P., Lobo, J.M.S., 2001. Modeling and comparison of dissolution profiles. Eur.

J. Pharm. Sci. 13, 123–133.
Gorichev, I.G., Kipriyanov, N.A., 1984. Regular kinetic features of the dissolution of metal

oxides in acidic media. Russ. Chem. Rev. 53, 1790–1826.
Huang, H., Li, J., Li, X., Zhan, Z., 2013. Iron removal from extremely fine quartz and its

kinetics. Sep. Purif. Technol. 108, 45–50.
Kabai, 1973. Determination of specific activation energies ofmetal oxides andmetal oxide

hydrates by measurement of the rate of dissolution. Acta Chem. Acad. Sci. Hung. 78,
57–73.

Lee, S.O., Tran, T., Park, Y.Y., Kim, S.J., Kim, M.J., 2006. Study on the kinetics of iron oxide
leaching by oxalic acid. Int. J. Miner. Process. 80, 144–152.

Lee, S.O., Tran, T., Jung, B.H., Kim, S.J., Kim,M.J., 2007. Dissolution of iron oxide using oxalic
acid. Hydrometallurgy 87, 91–99.

Mandal, S.K., Banerjee, P.C., 2004. Iron leaching from China clay with oxalic acid: effect of
different physico-chemical parameters. Int. J. Miner. Process. 74, 236–270.

Fig. 7.XRD patterns for the solids dissolved in (a) pure oxalic acid, (b) an acidmixture of 50:50, (c) in pure sulfuric acid after 17 h and (d) in pure sulfuric acid at the end of the experiment.
MGN refers to a peak characteristic to magnetite, and FEO to a peak characteristic to iron oxalate.

97R. Salmimies et al. / Hydrometallurgy 163 (2016) 91–98



Martínez-Luévanos, A., Rodríguez-Delgado, M.G., Uribe-Salas, A., Carrillo-Pedroza, F.R.,
Osuna-Alarcón, J.G., 2011. Leaching kinetics of iron from low grade kaolin by oxalic
acid solutions. Appl. Clay Sci. 51, 473–477.

Panias, D., Taxiarchou, M., Paspaliaris, I., Kontopoulos, A., 1996. Mechanisms of dissolution
of iron oxides in aqueous oxalic acid solutions. Hydrometallurgy 42, 257–265.

Ruan, H.D., Gilkes, R.J., 1995. Acidic dissolution of synthetic aluminous goethite before and
after transformation to hematite by heating. Clay Miner. 30, 55–65.

Salmimies, R., Mannila, M., Kallas, J., Häkkinen, A., 2011. Acidic dissolution of magnetite:
experimental study on the effects of acid concentration and temperature. Clay Clay
Miner. 59, 136–146.

Salmimies, R., Mannila, M., Kallas, J., Häkkinen, A., 2012. Acidic dissolution of hematite:
kinetic and thermodynamic investigations with oxalic acid. Int. J. Miner. Process.
110–111, 121–125.

Schwertmann, U., Latham, M., 1986. Properties of iron oxides in some new Caledonian
oxisols. Geoderma 39, 105–123.

Schwertmann, U., Cambier, P., Murad, E., 1985. Properties of goethites of varying crystallin-
ity. Clay Clay Miner. 33, 369–378.

Siffert, C., Sulzberger, B., 1991. Light-induced dissolution of hematite in the presence of
oxalate: a case study. Langmuir 7, 1627–1634.

Tatterson, G., 1994. Scaleup and Design of Industrial Mixing Processes. McGraw-Hill, Inc.,
New York.

Taxiarchou, M., Panias, D., Douni, I., Paspaliaris, I., Kontopoulos, A., 1997a. Dissolution of
hematite in acidic oxalate solutions. Hydrometallurgy 44, 287–299.

Taxiarchou, M., Panias, D., Douni, I., Paspaliaris, I., Kontopoulos, A., 1997b. Removal of iron
from silica sand by leaching with oxalic acid. Hydrometallurgy 46, 215–227.

Veglio, F., Recinella, M., Massacci, P., Toro, L., 1994. Screening tests, in the study of iron
oxide leaching by sucrose in sulphuric acid solutions, using statistical methods.
Hydrometallurgy 35, 293–311.

Weibull, 1951. A statistical distribution function of wide applicability. J. Appl. Mech. 18,
293–297.

98 R. Salmimies et al. / Hydrometallurgy 163 (2016) 91–98



Publication II 

Vehmaanperä, P., Salmimies, R., and Häkkinen, A. 

Thermodynamic and kinetic studies of dissolution of hematite in mixtures of oxalic 

and sulfuric acid 

Reprinted with permission from 

Mining, Metallurgy & Exploration 

Vol. 38, pp. 69-80, 2021 

© 2021, The Authors 





Thermodynamic and Kinetic Studies of Dissolution of Hematite
in Mixtures of Oxalic and Sulfuric Acid

Paula Vehmaanperä1 & Riina Salmimies1 & Antti Häkkinen1

Received: 12 June 2020 /Accepted: 11 September 2020
# The Author(s) 2020

Abstract
The dissolution of iron oxides in mixtures of acids is fairly uncommon but can result in a more efficient dissolution process. The
objective in this work was to investigate the dissolution of synthetic hematite powder in mixtures of oxalic and sulfuric acid.
Experiments were done at different acid ratios and temperatures. An increase in temperature from 15 to 35 °C increased
solubility, whereas an increase from 35 to 50 °C did not change the solubility but had a profound effect on the kinetics. An
important finding was that oxalic acid advanced the dissolution process since increasing the amount of oxalic acid in the system
resulted in faster kinetics and higher solubilities. The dissolution kinetics were well described with the Kabai model, which was
the only studied model able to describe the whole reaction time. However, the solid specific constant a varied for the different
acid ratios and this is argued to be a result of changes in the solid phase. The changes in the constant a were not in line with the
original study of Kabai, which indicates that a cannot be the solid specific constant but it can be the constant connected to
dissolving media describing the changes in the dissolution mechanism.

Keywords Dissolution . Hematite . Oxalic acid . Sulfuric acid . Kineticmodeling

1 Introduction

Better understanding of the mechanisms and kinetics of dis-
solution can benefit several important industrial processes.
For example, exploitation of dissolution phenomena can be
utilized in the leaching of iron from clays, which are often
used as a raw material in different processes. Moreover, the
studies of Salmimies et al. [1] and Smith et al. [2] have shown
that ceramic filter media, which are used in iron ore processes,
can be successfully regenerated by acidic dissolution. A fur-
ther study by Salmimies et al. [3] showed that oxalic acid is a
significantly better acid for magnetite dissolution than com-
monly used sulfuric and nitric acids, primarily because of two
possible dissolution mechanisms in oxalic acid: complexation
and reduction. However, the use of oxalic acid in full-scale
processes can be problematic. Firstly, preparation of the acid
solution can cause dusting, due to oxalic acid commonly be-
ing used in the form of a solid dihydrate powder. Secondly,

oxalic acid is a costly chemical compared with sulfuric or
nitric acid. Furthermore, the use of oxalic acid in process
systems containing high quantities of calcium and magnesium
can cause unwanted precipitation of oxalate forming salts with
very low solubility.

The dissolution mechanisms, kinetics, and thermodynam-
ics of iron oxides have been extensively studied by numerous
authors; however, full consensus has not been achieved across
the scientific community [3–14]. Most studies have focused
on individual acid systems, and dissolution in mixtures of
acids is a less well-understood phenomenon [5, 6, 15]. The
dissolution of iron oxides in sulfuric acid is much slower than
in oxalic acid, but promoting the sulfuric acid system with a
chemical agent could improve the dissolution of iron oxides
[6, 12, 16, 17].

Panias et al. [11] have suggested that the dissolution of iron
oxides in organic acids undergoes three different steps: ligand
adsorption, non-reductive dissolution, and reductive dissolu-
tion. Reductive dissolution can also process via two steps: a
slow induction step that can be seen at the beginning of the
dissolution followed by an autocatalytic dissolution. Lee et al.
[18, 19] studied the dissolution of hematite in oxalic acid and
found that iron in the solution was only in the form of Fe2+.
Based on this information and prior knowledge that iron is in
the form of Fe3+ in solid hematite, α-Fe2O3, they further
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concluded that dissolution takes place via a reductive mecha-
nism. Furthermore, Panias et al. [11] showed that non-
reductive dissolution is not the dominant mechanism at low
temperatures due to the high activation energy needed for the
detachment of Fe3+ from the solid surface. It is also reasonable
to presume here that the dissolution could proceed via com-
plex formation and reductive dissolution, because the temper-
ature used is 35 °C.

In dissolution of the iron oxides, oxalic acid is first disso-
ciated (Eq. (1) and Eq. (2)), which is followed by a proton-
ation of oxygen on the hematite surface, Eq. (3) [11, 12, 20].

H2C2O4↔Hþ þ HC2O
−
4 ð1Þ

HC2O
−
4↔Hþ þ C2O

2−
4 ð2Þ

> FeIII−Oþ Hþ↔ > FeIII−O…Hþ ð3Þ

where symbol “>” describes the surface of the solid, II or
III is the oxidation stage of iron in the solid, and “...” adsorbed
species on the solid surface.

The OH-groups on the solid surface are now positively
charged, which enables ligand adsorption on the hematite sur-
face, which is also called surface complexation, according to
Eq. (4).

> FeIII−OHþ oxn− þ Hþ↔ > FeIII−ox
� �− n−2ð Þ þ H2O ð4Þ

where ox refers to species formed from oxalic acid, i.e.,
HC2O4

− or C2O4
2−. The presence of these ions is strongly

connected to the pH of the solution [20]. For example, as
Panias et al. [20] have demonstrated, oxalic acid is mainly
undissociated at very acidic solutions (pH is close to zero).

After the surface complexation, the dissolution is followed
by the detachment of iron via reductive dissolution, which can
be characterized by two stages: a slow induction step followed
by fast autocatalytic dissolution.

First, electron transfer from the ox-ligand to Fe(III) takes
place according to Eq. (5). This equation assumes that there
are C2O4

2− ions in the solution.

> FeIII−C2O
2−
4

� �
↔ > FeII−C2O

−
4

� � ð5Þ

Second, Fe(II)- ions are dissolved from the solid surface to
the bulk solution:

2 > FeII−C2O
−
4

� �þ 2Hþ↔2Fe2þaqð Þ þ 2CO2 þ C2O
2−
4 þ 2

> H ð6Þ

When a sufficient amount of Fe2+ ions are formed in the
solution, autocatalytic dissolution takes place:

> FeIII−ox
� �þ Fe2þ−ox

� �
aqð Þ→ > FeIII−ox…Fe2þ−ox ð7Þ

> FeIII−ox…Fe2þ−ox→ > FeII−ox…Fe3þ−ox ð8Þ

> FeII−ox…Fe3þ−ox→ > FeII−oxþ Fe3þox
� �

aqð Þ ð9Þ
> FeII−ox→ Fe2þ−ox

� �
aqð Þ ð10Þ

Fe(II) and Fe(III) represent the ferric and ferrous ions on
the solid phase, whereas Fe2+ and Fe3+ represent ions in the
liquid phase. Possible rate limiting steps could be adsorption
of the ligands or electron transfer [21]. On the other hand,
when a sufficient amount of Fe2+ ions are liberated into the
solution, the dissolution is accelerated, which leads to the
conclusion that also the formation of Fe2+ can limit the rate
of dissolution. If there are only Fe2+ ions in the liquid phase,
Eqs. (8) and (9) can be excluded.

Majima et al. [9] pointed out the importance of anion ad-
sorption on the dissolution of hematite in sulfate solutions and
concluded that the adsorption of sulfate anions on the solid
surface can be the rate-determining step. For this reason, it can
be assumed that the dissolution mechanism in pure sulfuric
acid has some similarities to that in oxalic acid: surface com-
plexation. The dissolution in sulfuric acid begins with disso-
ciation of acid in water according to Eqs. (11) and (12).

H2SO4 þ H2O↔H3O
þ þ HSO−

4 ð11Þ
HSO−

4 þ H2O↔H3O
þ þ SO2−

4 ð12Þ

Senanayake and Muir [22] and Senanayake and Das [13]
speculated that the most stable ferric sulfate complex is
Fe SO4ð Þ−2 . Therefore, the dissolution of hematite in sulfuric
acid can be described by the following equation:

0:5Fe2O3 þ 2H2SO4↔Fe SO4ð Þ−2 þ Hþ þ 1:5H2O ð13Þ

Firstly, SO4
2− andHSO4

− are adsorbed on the solid surface,
forming Fe(III) complexes, which finally leads to detachment
of the complexes and their release into the solution. The final
step could be proton adsorption/surface restoration. The study
of Majima et al. [9] showed that there were only sulfate ions
next to the solid surface; therefore, bisulfate ions could be
withdrawn from the reaction scheme. No literature stating that
the dissolution of iron oxide in sulfuric acid can proceed via a
reductive mechanism was found so it may reasonably be as-
sumed here that the dissolution proceeds via a non-reductive
mechanism. On the other hand, sulfuric acid could also pro-
cess via a simple protonation mechanism where the surface
coordinated OH/OH2-pair adsorbs protons, resulting in posi-
tively charged (OH2)

+-pair. Two more protons are adsorbed,
which weakens the Fe–O bond and finally leads to desorption
of the Fe(III) from the solid surface. The dissolution via a
simple protonation mechanism has been identified as the
slowest mechanism [23].

The first question in evaluation of dissolution mechanisms
is to ascertain the most suitable kinetic model since a specific
kinetic model represents a specific dissolution mechanism,
either chemical or physical or both in nature. Cornell and
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Schwertmann [24] listed several models that can be used to
describe the dissolution of iron oxides. Brown et al. [25] have
discussed the background of some of these models in detail. It
is worth noting that the models are not specific to any partic-
ular solids, and the same equations can thus describe the dis-
solution behavior of several different solids. Khawam and
Flanagan [26] have emphasized that these models are mathe-
matical fits with experimental data and, as Costa and Lobo
[27] have criticized, there is no fundamental theory of disso-
lution phenomena behind the models. The models and the
mechanisms that they are based on are presented in Table 1,
where α is the fraction of the dissolved solid (−), k is the
reaction rate constant (s−1), t is time (s), and a is the solid
specific constant of the Kabai model (−). The fraction of dis-
solved iron is determined by widely accepted way by dividing
the concentration of dissolved Fe by the concentration of ini-
tial added Fe [28]. The left side of the equation is plotted
against time, or, in the case of Eq. (21), logarithmic time,
and the reaction rate constants are determined using the slope
of the straight line. The values of coefficient of determination,
R2, and the overall fits of the models are used to analyze the
suitability of the different equations. For instance, the linear-
ized form of Kabai model includes a double logarithm, which
may smooth out small deviation in the data; therefore, the
overall fits, i.e., t-α curves result in better understanding of
phenomenon. In general, the kinetic model is often fitted to
the first data points, which may not be representative enough
to describe the whole extent of reaction.

Equations (14)–(17) are diffusion controlled reactions
where the reaction rate is limited by the diffusion of either a
reactant or a product from or to the solid interface. Equation
(14) is applied when the reactant is in a thin sheet. Equation
(15) is for cylindrical particles and Eqs. (16) and (17) are for
spherical particles. Equation (17) is also called the Ginstling-
Brounshtein equation or diffusion controlled shrinking core

model [18, 19]. Equation (18) is the first-order random nucle-
ation model and can be linked to the final stages of dissolu-
tion. Chiarizia and Horwitz [29] have criticized that this mod-
el, Eq. (18), does not give the rate-limiting factor of dissolu-
tion. The initial stages of dissolution could then be described
with another kinetic equation, Eqs. (14)–(17) or Eqs.
(19)–(25). For Eqs. (14)–(18), the dissolution t-α curves are
deceleratory. A deceleratory shape means that the maximum
reaction rate is achieved in the beginning of the dissolution,
after which the reaction rate decreases.

Equations (19) and (20) are also known as the Avrami-
Erofe’ev models, which have been found to be valid for α
between 0.05 and 0.9. Number 2 or 3 on the exponent (in a
general form, the exponent is n = β + λ) includes information
about the number of steps involved in nucleus formation, β,
and number of dimensions in which the nuclei grow, λ.
Generally, β is 1 or 0, where the number 0 corresponds to
instantaneous nucleation. The term λ is 3 for spheres or hemi-
spheres, 2 for discs or cylinders, and 1 for linear growth.
However, the exponent does not directly give the information
on the terms β and λ but, for example, microscopic images are
needed to support findings. Equations (19) and (20) represent
random nucleation and can be described by sigmoidal t-α
curves. For example, Cornell and Giovanoli showed that dis-
solution kinetics of hematite in hydrochloric acid can be
modelled with the Avrami-Erofe’ev model [30].

The Kabai model [31], Eq. (21), which is either diffusion or
surface reaction controlled, was originally presented by
Weibull [32] and derived from the Nernst equation. It has been
claimed that the constant a of the Kabai model depends only
on the nature of the solid phase [31]. Depending on the con-
stant a, the overall dissolution kinetics are either diffusion or
surface reaction controlled. The dissolution kinetics are diffu-
sion controlled when a < 1 and surface reaction controlled
when a ≥ 1. The dissolution mechanisms can be discussed

Table 1 Kinetic equations for dissolution of iron oxides. 1D, 2D, and 3D represent one-, two-, or three-dimensional diffusion, respectively. Adapted
from Brown et al. [25], and Cornell and Schwertmann [24]

Mechanism Equation Eq. no.

Diffusion (1D) α2 = kt 14

Diffusion (2D) (1 −α) ln(1 −α) +α = kt 15

Diffusion (3D) 1− 1−α1
3

� �h i
2 ¼ kt 16

Diffusion (3D) 1− 2
3α

� �
− 1−αð Þ23 ¼ kt 17

Surface reaction − ln(1 −α) = kt 18

Surface reaction [− ln(1 −α)]1/2 = kt 19

Surface reaction [− ln(1 −α)]1/3 = kt 20

Diffusion or surface reaction lnln 1
1−α

� � ¼ alnk þ alnt 21

Surface reaction 1− 1−αð Þ12 ¼ kt 22

Surface reaction 1− 1−αð Þ13 ¼ kt 23

Surface reaction α1/n = kt 24

Surface reaction lnα = kt 25
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based on the constant a, too [31]. When a < 1, the dissolution
mechanism is called rounding off or sphericalization. The sol-
id is assumed to be at the lowest energy stage (spherical par-
ticles) at this point, and the background is similar to other
diffusion controlled models for spherical particles, for exam-
ple Eqs. (16) and (17).When a > 1, the dissolution mechanism
is called disintegration, which refers to the beginning of the
dissolution when the solid disintegrates into smaller particles
after a slow induction period. This solid disintegration accel-
erates the dissolution and results in the sigmoidal shape curve.
When these two dissolution mechanisms take place at the
same time, a = 1, the mechanisms are considered complex or
combined. Thus, we can conclude that the shape of the disso-
lution curve should give some kind of estimation of the con-
stant a without requiring linearized calculations.

Both Eq. (22) and Eq. (23) are surface reaction controlled
mechanisms in which the reaction can take place at all faces of
the solid. Equation (22) is for cylindrical-shaped particles, and
it is also known as the contracting area equation. Also Eq. (23)
is known as the contracting area equation or chemical reaction
controlled shrinking core model but it is applied for spherical
and cubic particles. Equation (23) is better known as the cube
root law. Equations (22) and (23) have deceleratory t-α
curves. Equations (24) and (25) are nucleation models having
acceleratory t-α curves. Equation (24) represents the power
law while Eq. (25) represents the exponential law. However,
the exponent n in Eq. (24) is related to the order of the reaction
and it requires more information about the reaction to get
satisfactory results. Also, this model assumes that the nucleus
growth is constant and does not take into account any limita-
tions of growth. Usually, the limitations are either ingestion or
coalescence [27].

Previous research by the authors [5] investigated the disso-
lution of magnetite in mixtures of oxalic and sulfuric acid. The
Kabai model was found to be the best model for describing the
dissolution kinetics, but some contradictory findings with
Kabai’s conclusions were reported; the solid specific constant
of the model, a, varied for different acid media, which should
not be the case when the same solid powder is used. Changes
in the solid phase during dissolution in different acid mixtures,
observed through the SEM-images and XRD-patterns, were
suggested as being the main reason for the finding. For exam-
ple, iron(II) oxalate was identified in pure oxalic acid, whereas
magnetite was the mineralogical phase when sulfuric acid was
used. Hence, the aim here is to extend the previous research to
investigate the thermodynamics and kinetics of hematite dis-
solution in similar acid systems. Consequently, the experi-
mental work is carried out using a similar experimental design
to yield comparative results. The main research aim is to dis-
cover whether the dissolution mechanisms in different acid
systems can be defined and, additionally, whether it is feasible
to improve the dissolution of hematite by adding oxalic acid
into a sulfuric acid system.

2 Materials and Methods

2.1 Chemicals

The volumetric particle size distribution of synthetic hematite
powder, obtained by laser diffraction particle size analysis, is
shown in Fig. 1. The solid was from Alfa Aesar and the purity
was 97%. XRD analysis further verified that hematite was the
only mineralogical phase, shown in Fig. 5.

Oxalic acid solutions, 0.33 mol/dm3, were prepared using a
solid dihydrate powder (99%) and 0.26 mol/dm3 sulfuric acid
solutions were prepared using a strong concentrated sulfuric
acid solution (95–97%). The concentrations were chosen to
yield comparative results with previous studies [3–5]. Strong
concentrated nitric acid (65%) was used for the preparation of
14 wt% nitric acid solution for the dissolved Fe concentration
analysis. All chemicals were analytical grade from Merck
(Darmstadt, Germany) and the solutions were prepared using
Millipore-water.

2.2 Analysis

2.2.1 Liquid Phase: pH and AAS

The pH was measured from the reactor using a WTW pH
401i-meter with a WTW SenTix 41 electrode. The total dis-
solved Fe concentration was analyzed with a flame atomic
absorption spectrometer (Thermo Scientific iCE 3000 AAS).
The calibration standards were 1, 3, 5, and 7 mg/dm3 and were
prepared in 14% nitric acid. The samples were further diluted
with nitric acid to meet the calibration range where necessary.

2.2.2 Solid Phase: PSD, XRD, and BET

The volumetric particle size distribution (PSD) was obtained
using a laser diffraction particle size analyzer (Mastersizer
3000, Hydro EV unit, Malvern). First, the hematite powder
was mixed with Millipore-water to yield slurry, after which
the measurement was repeated 10 times for the same sample
to observe the variation between the measurements.

Fig. 1 Volumetric particle size distribution of synthetic hematite powder
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X-ray diffractometric analysis (XRD, Bruker D8 Focus)
was used to analyze further the mineralogical composition of
the solid phase. Prior to the XRD analysis, the dried residual
solids were gently ground using a mortar.

The specific surface area of the original hematite powder
and a few solid samples after the dissolution experiments was
determined by BET (Brunauer-Emmet-Teller) method using a
Gemini V series analyzer with the FlowPrep degasser unit.
First, the samples were oven-dried at 105 °C, after which the
samples were gently ground using a mortar. Then, the samples
were degassed at 120 °C for 18 h prior to analysis by a 5-point
BET method. Each sample was measured twice, and the spe-
cific surface area was reported as an average of the measure-
ments. The difference between the measurements was within
2%.

2.3 Experiments

The dissolution experiments were done in a 1 dm3 water-
jacket glass reactor with an inner diameter of 9.5 cm. A
Lauda Proline RP855 thermostat controlled the temperature
of the reactor. A pitched-blade turbine with a diameter of
4.4 cm and four baffles with a diameter of 1 cm, ensured
effective mixing. First, the test solution was heated to the
desired temperature, after which hematite was added into the
reactor andmixing was switched on. A constant mixing speed,
800 rpm (corresponds a tip speed of 1.84 m/s), was used in all
tests. This mixing speed yields homogeneous mixing and
eliminates mass transfer from the bulk phase [4]. An excess
quantity of hematite, 40 g, was used in the thermodynamic
experiments because the aim was to reach the equilibrium
state of iron solubility. On the other hand, a smaller amount
of hematite, 12 g, was used in the kinetic experiments, as the
aim was to reach complete dissolution. Salmimies et al. [4]
and Salmimies et al. [5] used similar pulp densities, whereas
Taxiarchou et al. [33] used almost double pulp density. The
data showed complete and incomplete dissolution in both
studies. Samples were collected from the reactor using a sy-
ringe, filteredwith a 0.22-μm syringe filter, and further diluted
approximately 10 times with 14 wt% nitric acid to avoid any
changes in the samples prior to analysis. The sampling was
more frequent at the beginning of the dissolution in order to
observe any changes in the dissolution profiles and the sam-
pling interval was extended at the later stages of the dissolu-
tion. The experiment was terminated after observing the equi-
librium state.

An extensive set of dissolution experiments was conducted
by varying the volumetric ratio between oxalic and sulfuric
acid (Ox/H2SO4). The experimental conditions are listed in
Table 2.

The experimental error for the dissolved Fe concentration
was determined by repeating experiment 8 three times and
error was found to be within ±2%.

3 Results and Discussion

3.1 Thermodynamic Experiments

Figure 2 shows the solubility curves in the thermodynamic
experiments. As can be seen in Fig. 2a, with the acid mixture
of 50/50, the temperature affected the solubility more signifi-
cantly when it was increased from 15 to 35 °C than when it
was increased from 35to 50 °C. The first increase resulted in
an approximately 30% increase in the solubility (from 7000 to
9200 mg/dm3), whereas the latter case resulted in approxi-
mately the same solubilities. This could indicate that the

Table 2 Plan for dissolution experiments. The concentration of oxalic
acid (Ox) was 0.33 mol/dm3 and sulfuric acid was 0.26 mol/dm3

No. Type Ox/H2SO4, − T, °C Initial pH, −

1 Kinetic 0/100 35 1.0

2 Kinetic 30/70 35 0.8

3 Kinetic 50/50 35 0.8

4 Kinetic 70/30 35 0.9

5 Kinetic 100/0 35 1.0

6 Thermodynamic 50/50 15 1.1

7 Thermodynamic 50/50 35 0.9

8 Thermodynamic 50/50 50 0.8

9 Thermodynamic 30/70 50 0.8

10 Thermodynamic 70/30 50 0.9

Fig. 2 Total dissolved iron in the thermodynamic experiments (a) at 15,
35, and 50 °C, and (b) at different acid ratios (Ox/H2SO4)
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maximum solubility was reached at 35 °C, which is in line
with the findings that Salmimies et al. [5] presented for mag-
netite. Although a notable difference was no longer observed
in the solubility, the reaction kinetics were significantly influ-
enced by the increase in temperature from 35 to 50 °C.
Equilibrium was achieved in roughly 150 h at 50 °C, while
at 35 °C, it took 330 h, and at 15 °C 900 hwith the acid ratio of
50/50. The dissolution curve was deceleratory at 50 °C and
35 °C, but at 15 °C, the dissolution curve was sigmoidal.
Taxiarchou et al. [33] also observed that the shape of the
dissolution curve varied at different temperatures and sug-
gested that the sigmoidal shape could indicate that the reaction
is proceeding through the autocatalytic mechanism and that
the concave shape of the curve could represent the prolonged
induction period. The authors showed that in the beginning of
the reaction, the ironwas as Fe3+ ions in the acid solution, after
which Fe2+ ions were generated through the reductive mech-
anism, boosting the dissolution of hematite. Then, the amount
of Fe2+ in the solution decreased and the reaction mechanism
may change to autocatalytic dissolution. Here the induction
period and accelerated dissolution confirms that the dissolu-
tion mechanism includes non-reductive and reductive dissolu-
tion proposed by Panias et al. [11].

As can be seen from Fig. 2b, a higher amount of oxalic
acid in the system improves the equilibrium solubility as
well as results in accelerated kinetics. The solubility of he-
matite at 50 °C increased from 6800 to 10,000 mg/dm3

when the amount of oxalic acid in the system was increased
from 30 to 70%. The increase was more remarkable for the
interval from 30 to 50% (6800–8900 mg/dm3) than for the
increase from 50 to 70% (8900–10,000 mg/dm3). This
change in solubility levels may indicate that a higher
amount of oxalic acid in the system, over 50%, could facil-
itate the formation of solid product, iron(II) oxalate, which
in turn may hinder the dissolution of iron. Ambikadevi and
Lalithambika [6] have found that adding 0.15 mol/dm3

oxalic acid into 0.1 mol/dm3 sulfuric acid system can im-
prove the solubility of hematite from 6.34% even to
70.28%. In an earlier study, in the case of magnetite, the
maximum solubility was already attained with an acid mix-
ture of 50/50 and higher amounts of oxalic acid did not
result in higher solubility [3].

The behavior of pH during the dissolution was also inves-
tigated. First, the pH decreased from 0.84 to 0.79, after which
the pH started to increase and reached a steady state at 1.19,
i.e., at 50 °C and an acid mixture of 50/50. The changes in pH
can be a result of dissolution reactions and might represent the
reaction steps when the dissolution mechanism changes from
one mechanism to another.

The decrease in pH indicates that an electronic double layer
is formed by ionization of acid and protonation of oxygen at
the interface of hematite and acid, which generates hydrogen
ions in the solution and decreases the pH. The decrease in pH

can also be explained by generation of carbon dioxide in the
solution during the induction period, Eq. (6), which decreases
the pH, since the amount of formed carbon dioxide is assumed
to be relatively low and carbon dioxide therefore is expected
to stay in the liquid phase.

The increase in pH can indicate that the dissolution mech-
anism shifted to the adsorption of oxalate and reductive dis-
solution, which both consume protons. The rate of dissolution
then reduces, too. At the final stages of the process, the pH
value and the concentration of hematite reached a steady state.
The behavior of pHwas different at 15 °C and an acid mixture
of 50/50. In the reaction at 15 °C, the pH increased from 1.08
to 1.24 during the first 150 h, after which the pH decreased
and seemed to reach a constant value, 1.17; however, the pH
later started to increase again to over 1.38.

Linking the changes in the pH with the dissolution curve
was not straightforward at 15 °C; it remains an interesting
topic worthy of future study. Salmimies et al. [4] also ob-
served that a decrease of pH was followed by an increase of
pH when hematite was dissolved by oxalic acid.

3.2 Kinetic Experiments

The dissolution curves from the kinetic experiments over the
whole reaction time are presented in Fig. 3a. The dissolution
curves were sigmoidal in all acid systems except in pure sul-
furic acid, Fig. 3b, which indicates a slow induction period
followed by autocatalytic dissolution with increased reaction

Fig. 3 Dissolution profiles (a) over the whole reaction time and (b)
during the first 55 h in the kinetic experiments for different acid
systems (Ox/H2SO4) at 35 °C
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rate. Onlyminor changes in the beginning of dissolution could
be observed between the different oxalic acid systems but it
can be concluded that an increased rate of dissolution short-
ened the induction period. In pure sulfuric acid, the curve was
almost linear, which suggests that the dissolution mechanisms
did not include the formation of Fe2+ ions in the solution,
which can accelerate the dissolution. However, the most im-
portant finding here is that the oxalic acid in the system result-
ed in not only accelerated kinetics but also the higher solubil-
ity compared with the pure sulfuric acid. For instance, increas-
ing the amount of oxalic acid from 0 to 30%, the solubility
increased from 3900 to 6600 mg/dm3.

The pH behaved similarly in the kinetic experiments as
in the thermodynamic experiments. The pH decreased in
the beginning of the experiment, after which it increased
and finally reached a constant level. The initial decrease
was more drastic with higher oxalic acid amounts in the
system, for example, from 1.0 to 0.8 in the acid mixture
0/100 and from 0.9 to 0.8 in the acid mixture 70/30.
Moreover, higher oxalic acid amounts in the system result-
ed in faster dissolution. However, pH behavior was differ-
ent in pure sulfuric acid. First, the pH decreased from 1.0
to 0.9, after which it started to increase but did not achieve
a steady state. The pH was 3.0 in the last sample after 556-
h reaction time. The suggested dissolution mechanism for
hematite in sulfuric acid is complexation (see Section 1),
where the latter stage is the surface restoration, which also
consumes protons and can be seen as an increase in pH.
Complete dissolution was not achieved in pure sulfuric
acid, which might explain why the pH did not reach the
steady state. Linking pH to changes in the dissolution
mechanisms has been discussed earlier in Section 3.1.

3.3 Kinetic Modeling

The twelve models presented in Section 1 were tested with the
kinetic data in order to get a better understanding of the kinetic
limitations of the dissolution process. The reaction rate con-
stants and coefficient of determination are presented in
Table 3. The Kabai model, Eq. (21), was the only model
resulting in good coefficient of determination for all acid sys-
tems. As it was mentioned in Section 1, the double logarithm
may smooth out small deviation in the data; therefore, t-α
curves should also be used in evaluation of model suitability.
Equation (16) and the second Avrami-Erofe’ev equation, Eq.
(20), yielded poor coefficient of determination, R2, for the
whole data set, varying between 0.12 and 0.63. The reason
for this poor correspondence can be found from the physical
background of these two equations: both models can only be
applied when the dissolution occurs in three dimensions. Also
Eqs. (24) and (25) failed to fit the data; hence, these equations
were not considered further in this study. Salmimies et al. [4]
and Salmimies et al. [5] have observed similar behavior.
Previously, Lee et al. [19] found that the diffusion controlled
shrinking core model, Eq. (17), would be the best model to
describe the dissolution kinetics of hematite in oxalic acid, but
in this work, the t-α curves could only describe some of the
data collected.

Figure 4 shows the linear fits as well as the t-α curves for
the Kabai model. An improved Kabai represents a case where
two linear fits yield better results than one linear fit

One linear fit described well the dissolution kinetics over
the whole data set in the case of pure oxalic acid and the acid
mixture of 70/30. Variation in the slopes was observed when
the amount of sulfuric acid in the system increased. It seems

Table 3 Reaction rate constants
and coefficient of determination
for Eqs. (14)–(25) in different
acid systems (Ox./H2SO4) at
35 °C

0/100 30/70 50/50 70/30 100/0

Eq.
no.

k, s−1 R2,
−

k, s−1 R2,
−

k, s−1 R2,
−

k, s−1 R2,
−

k, s−1 R2,
−

14 1.00·10−7 0.95 3.00·10−7 0.92 7.00·10−7 0.89 8.00·10−7 0.92 1.00·10−6 0.97

15 6.00·10−8 0.96 2.00·10−7 0.96 4.00·10−7 0.96 8.00·10−7 0.98 1.00·10−6 0.97

16 4.00·10−7 0.32 6.00·10−7 0.12 7.00·10−7 0.34 1.00·10−7 0.53 2.00·10−6 0.63

17 2.00·10−8 0.97 6.00·10−8 0.97 1.00·10−7 0.97 1.00·10−7 0.98 3.00·10−7 0.97

18 4.00·10−7 0.79 9.00·10−7 0.85 1.00·10−6 0.93 3.00·10−6 0.92 5.00·10−6 0.99

19 5.00·10−7 0.11 9.00·10−7 0.15 1.00·10−6 0.54 2.00·10−6 0.90 3.00·10−6 0.90

20 n.a. n.a. n.a. n.a. n.a. 0.05 2.00·10−6 0.57 2.00·10−6 0.55

21 3.73·10−7 0.98 1.01·10−6 0.99 1.49·10−6 0.98 2.64·10−6 0.99 3.71·10−6 0.99

22 2.00·10−7 0.74 3.00·10−7 0.72 5.00·10−7 0.79 8.00·10−7 0.95 1.00·10−6 0.97

23 1.00·10−7 0.76 3.00·10−7 0.77 3.00·10−7 0.84 7.00·10−7 0.98 1.00·10−6 0.99

24 n.a. n.a. n.a. n.a. n.a. 0.61 n.a. n.a. n.a. n.a.

25 n.a. n.a. n.a. n.a. n.a. n.a. n.a. n.a. n.a. n.a.

n.a. means that the model failed to fit the data
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that the dissolution could be better described by splitting the
linear fits into two different linear sections. In pure sulfuric
acid, the first data points gave a steeper slope, after which the
slope declined as the end of dissolution was approaching.
Similar behavior was also observed with the acid mixture of
30/70. The first data points gave a shallower slope after which
the slope declined again as the dissolution ended. These
changes in the slopesmight indicate changes in the solid phase

but the points where the changes have taken place cannot be
determined in a straightforward manner.

Taking into account two linear fits, the improved Kabai
models fitted well with the experimental data. For instance,
Ruan and Gilkes [34] observed that the dissolution of pure
goethite and pure hematite could be better described using
two lines of the Kabai model, which will lead to two different
values of constant a. Schwertmann et al. [35] used the Kabai

Fig. 4 Kabai fits for different acid systems (Ox/H2SO4) at 35 °C. Insets show linear fitting of the Kabai model (Eq. (21)), where Ymeans the left side of
the model
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model to describe the dissolution of goethites synthetized at
various temperatures and concluded that the changes in con-
stant awere insignificant, and thus the value of awas found to
be constant. However, in this work, it was found that variation
was within a range of 40%, which cannot be considered as
constant. Kabai [31] reported considerably smaller variation
(within 4%). Salmimies et al. [5] also found variation in con-
stant a in the dissolution of magnetite in oxalic and sulfuric
acid systems, and concluded that changes in the solid phase
could cause the differences.

The coefficient of determination, the constants of average
order, a, and the reaction rate constants, k, for the Kabai model
are presented in Table 4. As can be seen, the amount of oxalic
acid in the system is directly connected to the rate of dissolu-
tion: the rate of dissolution was approximately 3 times faster
with an acid ratio of 30/70 than an acid ratio of 0/100. Oxalic
acid has previously been shown to be a better dissolving agent
for magnetite than sulfuric acid [3, 4, 15].

Kabai [31] speculated that a is a constant that depends only
on the solid phase. In this study, however, a varied for differ-
ent acid systems, which is not in line with the conclusions of
Kabai because the same synthetic hematite powder was used
in all experiments. Changes in the solid phase might have
taken place during the dissolution, which could explain the
different values of a and still be consistent with Kabai’s con-
clusions. Kabai [31] carried out dissolution experiments in an
excess of acids; hence, complete dissolution should be expect-
ed to take place. In this work, complete dissolution was only
achieved with pure oxalic acid and in an acid mixture 70/30,
where the values of constant a were close to each other. In the
acid mixture 30/70 and in pure sulfuric acid, complete disso-
lution was not achieved, although the values of the first sec-
tion constant a were close. In acid mixture 50/50, however,
complete dissolution was not achieved and constant awas not
close to the values of constant a in the acid mixture 30/70 and
in pure sulfuric acid. It should be noted that data from earlier
studies [5] showed complete and incomplete dissolution,

indicating that a lack of dissolving agent is most probably
not the reason for the variation.

The rate determining step of the reaction can be discussed
based on the solid specific constant a [31]. In two cases, pure
sulfuric acid and acid mixture of 30/70, a < 1, indicating that
the dissolution was diffusion-controlled. Also for these two
cases, the shrinking core model, Eq. (17), gave good coeffi-
cient of determination (0.97 for both) and good fits. The rate
limiting step of the shrinking core model is similar to the
Kabai model when a < 1; both equations are diffusion-con-
trolled. When more oxalic acid was added to the system, over
50%, the value of the constant a increased above 1, changing
the controlling step to the chemical reaction on the solid sur-
face. Moreover, Eq. (23) gave good coefficient of determina-
tion, 0.99 and 0.98 with the acid ratio of 70/30 and pure oxalic
acid, which could again be explained by the similar back-
ground of the equations. The rate limiting step of Eq. (23) is
the same as the Kabai model when a > 1; the rate of chemical
reaction.

3.4 Correlation Between the BET Specific Surface Area
and the Dissolution Mechanisms

In further investigation, the BET specific surface areas of the
solids were determined for three experiments. In the case of
pure acids, three samples were taken: two in the beginning and
one at the end of the dissolution. For the acid mixture 50/50,
two samples were taken at the early stages. The sampling was
based on the observed changes in the slopes of the Kabai
model. The results are presented in Table 5. Here, the specific
surface area was found to both increase and decrease with the
increase of the dissolution time.

As can be seen from Table 5, the variation in the specific
surface area did not show a similar smoothly increasing or
decreasing trend as Kabai [31] showed in all experiments.
Moreover, the changes were relatively low in almost all ex-
periments, between 2 and 10%, which suggests no drastic

Table 4 Parameters of the Kabai model, Eq. (21). The experiments
were done at 35 °C. I and II represents the first and second part of the
linear fits, respectively

Ox/H2SO4 Initial pH, − k, s−1 a, − R2, −

0/100, I 1.0 4.00∙10−7 0.964 1.00

0/100, II 1.35∙10−7 0.406 0.98

30/70, I 0.8 1.62∙10−6 0.976 1.00

30/70, II 9.55∙10−7 0.528 0.98

50/50, I 0.8 2.30∙10−6 1.273 0.99

50/50, II 1.80∙10−6 0.650 1.00

70/30 0.9 2.64∙10−6 1.234 0.99

100/0 1.0 3.71∙10−6 1.269 0.99

Table 5 Specific surface area for hematite in different acid
environments and for different dissolution times at 35 °C

Sampled system Sampling time, h SSABET, m
2/g

Original hematite powder 10.94

Sulfuric acid 5 10.19

52 10.02

End 9.93

50/50 5 10.70

28 11.28

Oxalic acid 5 12.11

29 11.21

End 32.20
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changes took place during the dissolution in different acid
environments and there is no clear correlation between the
BET specific surface area and the dissolution mechanisms.
Despite this finding, it can be concluded that the changes were
different in different acid systems. A smooth decreasing trend
in the specific surface area was observed only in pure sulfuric
acid. The decrease in the specific surface area could indicate a
fast surface reaction or the decrease in the area could indicate
that the smaller particles dissolved first, which resulted in the
decrease in the specific surface area [28]. In pure oxalic acid,
the specific surface area increased during the first 5 h of dis-
solution. The second sampling showed decreased specific sur-
face area, but the specific surface area did not fall below that of
the initial sample. In the later stages of dissolution, the area
increased to three times that of the specific surface area of the
initial sample. One possible reason might be that the solids
disintegrated into smaller particles during the dissolution,
which could result in an increase in specific surface area,
and therefore, an increased rate of dissolution, or the forma-
tion of a solid product layer, which has also been observed
previously [5, 19]. In the acid mixture 50/50, the trend was
similar to that in pure oxalic acid.

Kabai [31] speculated that dissolution mechanisms could
be determined based on the solid specific constant a.
However, in this work, the solid specific constant varied for
different acid systems, which indicates that the dissolution
mechanism cannot be speculated based on only this constant.
On the other hand, the rate limiting step can be relatively well
determined based on constant a because the other kinetic
models with a similar physical background fitted well with
the data. The dissolution mechanisms are quite complex, as
can be seen from the chemical reactions (Eqs. (1)–(13)), and
that may be a reason why constant a does not correlate well
with the dissolution mechanisms. The overall dissolution
mechanisms consist of several steps, which could be ioniza-
tion of acid, dissolution of hematite, and formation of the
product layer. Previous research has speculated that the solid
product layer is formed on the solid surface in both oxalic and
sulfuric acid systems [13, 18–21]. To verify whether this was
the case here, XRD analyses were done for the same solid
samples as for the BET specific surface areas. Figure 5 shows
that the XRD patterns for the solid samples were similar to the
original hematite powder in almost all cases. Only in the case
of pure oxalic acid can a few undefined peaks be seen at the
end of the dissolution, which might indicate the formation of a
product layer and could result in the increase in BET specific
surface area. The product layer might form in the latter stages
of dissolution and therefore it does not limit the reaction rate
as the reaction rate was identified to be chemical reaction
controlled.

Changes in the solid phase could be the main reason for the
changes in the constant a. Another reason could be that the
Kabai model is based on a statistical Weibull distribution

function [32] and not only on the dissolution phenomena.
Possible dissolution mechanisms for iron oxides in organic
acids were identified over 20 years after the Kabai model
was introduced and the dissolution mechanisms might be
more complex than originally expected. Consequently, the
solid specific constant a may represent the point where the
dissolution mechanism changes another and not represent
one dissolution mechanisms.

4 Conclusions

Dissolution of synthetic hematite powder was studied in pure
oxalic and pure sulfuric acid and in mixtures of these two
acids. Based on the experimental data, two main findings
can be pointed out. The first finding is that increasing the
temperature from 15 to 50 °C decreased the experimental time
by approx. 6 times, from 900 to 150 h. A small change in
temperature that results in a large change in the kinetics indi-
cates that the dissolution is controlled by a chemical reaction,
which can be the generation of Fe2+ ions into the solution. The
second important finding is that adding even a small amount
of oxalic acid in to sulfuric acid resulted in higher solubility.
This finding has a significant effect on the process economy
because dissolution of iron oxides in sulfuric acid is important
reaction from an industrial point of view.

From the kinetic point of view, the Kabai model was the
only model able to describe the dissolution kinetics of hematite
in different acid environments over the whole reaction time.
However, the solid specific constant a of the Kabai model var-
ied for different acid systems, which is not in line with Kabai’s
conclusions but could be explained by possible changes in the
solid phase during the dissolution. Slight changes were ob-
served by BET specific surface area measurements. The most
drastic changewas observed in pure oxalic acid, which could be
linked to a difference in the dissolution mechanism. Earlier
study [5] also noted changes in the solid phase when dissolving
magnetite in similar acid systems, observed through SEM-
images and XRD-analysis. These contradictory findings with
Kabai indicate that a cannot be the solid specific constant but it

Fig. 5 XRD patterns for solid samples dissolved in different acid
environments and for different dissolution times at 35 °C
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could be a constant connected to dissolving media which de-
scribes changes in the dissolution mechanisms between differ-
ent acid systems. Kabai [31] suggested that the rate limiting step
of dissolution depends only on the solid phase and not the
dissolving liquid, which is interesting since previous studies
have shown different dissolution mechanisms for different acid
systems, which would naturally lead to different rate limiting
steps and different values of constant a. This study clearly
shows that the determination of dissolution mechanisms re-
quires careful analysis of the chemical reactions taking place
during the dissolution process, and dissolution is not straight-
forward in different acid systems.
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Abstract—Understanding the reactions taking place in the hematite-oxalic acid system is important in order to clean iron oxides from
filters and to remove iron from mineral concentrates. Previous studies reported the formation of an unwanted solid phase during this
process. The objective of the current work, therefore, was to visualize and rationalize the iron dissolution steps taking place in the
hematite–oxalic acid reaction by combining density functional theory (DFT) calculations and experimental data. The results of DFT
calculations indicated that a precipitate was formed in this reaction; XRD analysis of the solid phase after the dissolution experiment
revealed the formation of humboldtine as the precipitate. The attachment of oxalate on the hematite surface and the reduction of Fe(III) to
Fe(II) were key steps for humboldtine formation. Both simulations and the experimental results showed that greater oxalic acid
concentrations yielded more precipitate, suggesting a simple and novel route to synthesize humboldtine, a material which is relevant
to the demand for clean energy.

Keywords—Density Functional Theory . Hematite . Humboldtine . Iron dissolution . Oxalates . XRD analysis

INTRODUCTION

Reactions at a solid–liquid interphase play a vital role in
understanding a dissolution phenomenon. Recent research ef-
forts have helped to improve dissolution-based processes such
as the regeneration of ceramic filter media (Salmimies et al.,
2013; Smith et al., 2018) and leaching iron from clays (Mandal
& Banerjee, 2004). Sulfuric and nitric acid are commonly used
leaching agents for iron oxides, but more effective dissolution
can be achieved using a solution that contains complexing
ligands. Complexing agents such as ethylenediaminetetraacetic
acid (EDTA), tr isodium nitr i lotr iacetate (NTA),
hydroxyethylethylenediaminetriacetic acid (HEDTA), pentetic
acid (DTPA), and methanesulfonic acid (MSA) have been used
to enhance the dissolution of iron oxides (Chang & Matijevic,
1983; Blesa et al., 1984; Wang et al., 2017). Among these
ligands, oxalic acid has also received a lot of attention as it can
dissociate into strong complexing oxalate ions for the dissolu-
tion (Cornell & Schindler, 1987; Panias et al., 1996; Lee et al.,
2007; Salmimies et al., 2016). Oxalic acid was chosen for the
present study because it is environmentally friendly. Moreover,
it can also dissolve aluminum and manganese, which are often

also present in clay minerals (Rennert et al., 2021).
The reaction scheme for dissolution of hematite in oxalic

acid can be described via Eqs. 1–10 (Stumm & Furrer, 1987;
Siffert & Sulzenberger, 1991; Panias et al., 1996).

Dissociation of oxalic acid:

H2C2O4↔HC2O
−
4 þ Hþ ð1Þ

HC2O
−
4↔C2O

2−
4 þ Hþ ð2Þ

Surface protonation:

> Fe IIIð Þ−Oþ Hþ↔ > Fe IIIð Þ−OHþ ð3Þ
Surface complexation:

> Fe IIIð Þ−OHþ þ Ln− þ Hþ↔ > Fe IIIð Þ−L½ � n−2ð Þ−

þ H2O ð4Þ
Electron transfer from ox to Fe(III) and detachment of

Fe(II)

> Fe IIIð Þ−ox½ �↔ > Fe IIð Þ−ox½ � ð5Þ

2 Fe IIð Þ−ox½ � þ 2Hþ→2Fe2þaqð Þ þ 2CO2 þ oxþ 2 > H ð6Þ
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Autocatalytic dissolution:

> Fe IIIð Þ−ox½ � þ Fe2þ−ox
� �

aqð Þ→

> Fe IIIð Þ−ox…Fe2þ−ox ð7Þ

> Fe IIIð Þ−ox…Fe2þ−ox→

> Fe IIð Þ−ox…Fe3þ−ox ð8Þ

> Fe IIð Þ−ox…Fe3þ−ox→

> Fe IIð Þ−oxþ Fe3þox
� �

aqð Þ ð9Þ

> Fe IIð Þ−ox→ Fe2þ−ox
� �

aqð Þ ð10Þ

Symbol ‘>’ describes the solid surface, L is the ligand, II or III
is the oxidation state of iron in the solid phase, 2+ or 3+ is the
oxidation state of iron in the liquid, ‘...’ is the adsorbed species
on the solid surface, and ox refers to species formed from
oxalic acid, i.e. HC2O4

- or C2O4
-

In previous studies (Lee et al., 2007; Salmimies et al.,
2016), the formation of a solid precipitate was observed during
the dissolution of hematite in oxalic acid. This reaction prod-
uct, however, was not considered in the original reaction
scheme (Eqs. 1–10). Often, solid precipitation is a drawback
that hinders the dissolution process, blocks the filter media, or
reduces the whiteness of the clay mineral, which cannot then
be used again as a raw material in the ceramics industry. This
precipitate is humboldtine, named after Friedrich Wilhelm
Heinrich Alexander von Humboldt (1769–1859), naturalist,
explorer, and scientist. The formation of humboldtine can be
described by Eq. 11, which can take place after the reduction of
surface Fe(III) to Fe(II) (Eq. 5).

Fe IIð ÞþC2O4
2−þ2⋅H2O→Fe IIð Þ C2O4ð Þ⋅2H2O sð Þ ð11Þ

The thermal decomposition of humboldtine reverses this
reaction by restoring both magnetite (Angermann & Töpfer,
2008) and hematite (Ogasawara & Koga, 2014). Such thermal
decomposition may also occur on Mars (Applin et al., 2015).
The formation of humboldtine is of great interest because,
though it can have drawbacks in terms of dissolution, its use
has recently been demonstrated for high conductivity (Yamada
et al., 2009; Huskić et al., 2016; Yao et al., 2019) and for
photocatalysis (Fan et al., 2016), and thus its facile synthesis
has become a relevant research topic (Müller et al., 2021). The
conditions under which humboldtine is formed in nature re-
main unknown (Robinson, 2004), but formation has been
observed when pyrite rocks are in contact with oxalic acid
(Green, 2004). Moreover, the formation of humboldtine has
also been associated with oxalic acid produced by microor-
ganisms near iron surfaces (Aramendia et al., 2015). Clearly,

the formation of humboldtine in nature is dependent on the
iron composition of the rock substrate (Gadd et al., 2014).
Very often humboldtine is synthesized via several steps
(Müller et al., 2021) whereas the formation of humboldtine
via dissolution-precipitation reaction under mild conditions (at
the temperature of 35°C) could offer a simpler route. Under-
standing the mechanism causing humboldtine formation under
dissolution conditions is, therefore, important. The reaction
steps shown in Eqs. 1–10 are, thus, hypothetical. DFT calcu-
lations offer a unique window to visualize the actual mecha-
nisms taking place during the dissolution, and such calcula-
tions have already been deployed successfully to study the
hematite surface (Huang et al., 2016; Si et al., 2020) and a
hematite and benzene system (Dzade et al., 2014).

The aim of the current study, therefore, was to examine the
conditions and mechanisms leading to the formation of
humboldtine via dissolution of hematite in oxalic acid, with
emphasis on the DFT calculations combined with experimen-
tal verification. A further objective was to verify the formation
of humboldtine in the specific acid system being studied here.
The hypothesis was that the DFT calculations would define the
actual dissolution mechanisms taking place in the system and
provide understanding of the adsorption, electron-transfer, and
precipitation processes.

MATERIALS AND METHODS

Computational Methodology
α-Fe2O3with lattice parameters a = b = 5.036Å, c = 13.75Å,

α=β=90°, andγ=120°was used here, consistentwith previous
experimental work (Blake et al., 1966). The (0001) surface with a
2×2 supercell and the nine-layer periodic slab model was con-
structed. A >12 Å vacuum length was set in the z direction to
avoid interactions between the periodic images. The surface was
optimized with the atoms on the uppermost four layers allowed to
relax. The adsorption energies (Eads) were calculated with the
equation: Eads = Ecomplex – (Emolecule + Esurface), where Ecomplex,
Emolecule, and Esurface represent the total energy of the complex
after adsorption, the energy of the free molecule (e.g. H2C2O4,
H2O), and energy of the free surface, respectively. The free
molecules were also optimized with the same parameters as used
for the surface. The Bader charges for all configurations were
calculated for the analysis of the electron-transfer processes
(Henkelman et al., 2006). In the Bader charge-analysis scheme,
the simulation system was partitioned into different volumes by
the surfaces ofminimumelectronic density. The electronic density
within one volume is then assigned to the atom in that volume.
TheBader charge analysis scheme is a powerful toolwhich allows
the change in the atomic charges during the reaction to be ana-
lyzed. Furthermore, the oxidation state-determination method to
examine the changes in the oxidation states of Fe during the
reaction (Sit et al., 2011) was also adopted. In this method, a
5×5 occupation matrix was constructed for each electron spin by
projecting the Kohn-Sham wave functions from the DFT calcu-
lations onto the atomic d orbitals of the transition metal ion. The
eigenvalues of the matrix are called the occupation numbers. As
shown earlier (Sit et al., 2011), the occupation numbers close to
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unity correspond to the d electrons belonging to the ion. The
oxidation state can then be assigned with knowledge of the
number of d electrons in the ion. The method has been applied
successfully to study the oxidation states of transitionmetal ions in
various problems (Sit et al., 2012; Majumdar et al., 2017; Wei
et al., 2017; Ku and Sit, 2019; Ricca et al., 2019; Wang et al.,
2019; Jensen et al., 2020). Further details of this method can be
found in Sit et al. (2011). All the DFT calculations were per-
formed using the PWscf module of the Quantum Espresso (QE)
package (Giannozzi et al., 2009). The generalized gradient ap-
proximation (GGA) proposed by Perdew, Burke, and Ernzerh
(PBE) was used to describe the exchange correlation energy
(Perdew et al., 1996). The ultrasoft pseudopotentials were used
to simulate electron−ionic core interactions (Vanderbilt, 1990).
The van der Waals interaction correction with the DFT-D2
scheme proposed by Grimme (2006) was used to simulate the
weak interactions. The cutoff energies were set equally for all the
calculations, which were 30 Rydberg (408 eV) and 240 Rydberg
(3265 eV) for the wavefunctions and the augmented part of the
charge density, respectively. The 2×2×1Monkhorst-Pack k-point
mesh was found to be adequate in this study after testing. Spin-
polarized calculations were carried out for the systems involving
α-Fe2O3 becauseα-Fe2O3 has unpaired electrons. Also, the Hub-
bard U value was set to 5 eV to consider accurately the strongly
correlated d electrons (Dzade et al., 2014). Constrained optimiza-
tion simulations were carried out to calculate the activation barrier
of the C–C bond of the H2C2O4.

Materials

Analytical-grade oxalic dihydrate powder from Merck
(99%, Darmstadt, Germany) and Millipore-water were used
to prepare 0.33 M oxalic acid solution for the dissolution
experiment. The solid synthetic hematite powder was from
Alfa Aesar (98%, Kandel, Germany). Analytical-grade, con-
centrated nitric acid from Merck (65%, Darmstadt, Germany)
was used for the preparation of the nitric acid solution for the
Fe concentration analysis.

Dissolution Experiment

The dissolution experiment followed a similar set-up as
in the previous studies of the authors (Salmimies et al.,
2016; Vehmaanperä et al., 2021). The experiment was
done in a 1 L water-jacketed glass reactor, which was
equipped with a Lauda Proline RP855 thermostat to keep
the reaction temperature constant. The system was equil-
ibrated with air and the experiment was done under light.
A pitched-blade turbine with a mixing speed of 800 rpm
and four baffles ensured effective mixing. The experiment
was run in the following manner: (1) oxalic acid solution
was heated to 35°C; (2) 12 g of hematite powder was
added to the reactor; and (3) mixing was switched on.
Solution samples were collected from the reactor with a
syringe, filtered using a 0.22 μm syringe filter, and diluted
with 14 wt.% nitric acid to avoid any changes in the
samples before analysis.

The slurry was collected after the experiment and filtered
using a Büchner funnel equipped with a Whatman® 42 filter

paper. After this, the solids were dried in an oven at 40°C.
According to Schwertmann & Cornell (2003), this temperature
is low enough to avoid any phase modification or transforma-
tion caused by oven drying. After drying, the solids were
ground gently in a mortar before XRD and SEM-EDS
analysis.

Equilibrium was reached within 413 h, but the solubility
data are not reported here because the present investigation
was of the formation of humboldtine using DFT with experi-
mental verification. Experimental data and discussion of the
kinetics and equilibrium of dissolution of iron oxides collected
with the described set-up have been reported elsewhere
(Salmimies et al., 2016; Vehmaanperä et al. 2021).

Analysis
The pH of solutions from the reactor was measured using a

WTW pH 401 i-meter with a WTW SenTix 41 electrode
(Xylem Analytics, Weinheim, Germany). The pH ranged from
0.8 to 1.0 during the dissolution, which was favorable for the
formation of humboldtine (Lee et al., 2007). The concentration
of total dissolved Fe was determined using a flame atomic
absorption spectrometer (Thermo Scientific iCE 3000 AAS
with a detection limit of 0.02 mg/L for Fe, China).

The mineralogical composition of the residual solid was
analyzed using X-ray diffraction (XRD, Bruker D8 Focus with
CuKα radiation, Karlsruhe, Germany). The XRD data were
recorded from 10 to 70°2θ with a step size of 0.02°2θ and a
scanning speed of 0.02°2θ s–1. The phase identification was
done using the DIFFRAC.EVA software and the PDF 4 data-
base. A scanning electron microscope (SEM, Hitachi SU 3500
with Thermo Scientific, UltraDry SDD EDS, Madison, Wis-
consin, USA) was used to estimate the elemental composition
and morphology of the solids.

RESULTS

DFT Calculations
As in the paper by Dzade et al. (2014), the present

study considered the (0001) surface of hematite because it
is the dominant surface obtained under most conditions
(Parkinson, 2016). The adsorption of oxalic acid onto the
Fe2O3 surface and the charge transfer were studied using
Bader charge analysis and oxidation state determination.
For oxalic acid adsorption, spontaneous proton transfer
from the oxalic acid to the surface took place. Therefore,
only stable structures for singly de-protonated and oxalate
adsorption could be obtained. For both cases, electron
transfer from the molecule to the surface was observed
(Table 1), suggesting that the molecule was oxidized par-
tially upon adsorption. Oxalate adsorption was stronger
than singly de-protonated adsorption, and it also showed
a larger electron transfer.

A main objective of the DFT study was to understand the
adsorption and the electron-transfer processes. In the charge
analysis, although oxalate was oxidized, the reduction of the
surface Fe was not very significant. A possible reason is that
the electron from the oxalate was shared by the whole Fe2O3
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slab instead of reducing a particular Fe. This fact was also
confirmed by Stone andMorgan (1987). Clearly, the reduction
of Fe did not occur during adsorption as supported by the
oxidation states of the Fe (Table 2).

When the C–C bond broke, reduction of two surface Fe
atoms from Fe(III) to Fe(II) was noted. The oxidation state
calculations method through DFT calculations allowed assign-
ment of d electrons to various Fe ions, and thus to extract their
oxidation states. The present analysis indicated that the reaction
proceeded first as the reduction of surface Fe(III) to Fe(II) by the
C2O4

2– → 2CO2 reaction. Then the remaining oxalate reacted
with the surface Fe(II) to form humboldtine. The top view and
side view of the structure after the C–C bond was broken with
four representative Fe positions are shown in Fig. 1. The DFT
results revealed specific locations on the surface, namely, Fe(1)
and Fe(2), that were the most favorable sites for initiating the
formation of the precipitate.

Table 1 Bader charges of the adsorbed singly de-protonated
(HC2O4

–) and doubly de-protonated (C2O4
2–) species and the

top-surface Fe with the Hubbard U of 5 eV

Before adsorption After adsorption

HC2O4
– –1 –0.76

Fe(1) 1.61 1.62

Fe(2) 1.61 1.70

Fe(3) 1.61 1.70

Fe(4) 1.61 1.62

C2O4
2– –2 –1.44

Fe(1) 1.61 1.64

Fe(2) 1.61 1.73

Fe(3) 1.61 1.73

Fe(4) 1.61 1.63

Table 2 Bader charges and oxidation-state analysis for the top-surface Fe before oxalic acid adsorption, after oxalic acid adsorption, and
after the C–C bond of the oxalate breaks. The occupation numbers taken as full occupation are in bold. These are the d electrons assigned
to the Fe ions

Bader charge Occupation numbers Oxidation state

Free surface before H2C2O4 adsorption (the four Fe atoms are equivalent)

Fe 1.61 Spin up 0.989 0.989 0.990 0.996 0.996 Fe(III)

Spin down 0.102 0.218 0.218 0.424 0.424

After singly de-protonated H2C2O4 adsorption (H2C2O4 breaks into one H+ and one HC2O4
–)

Fe(1) 1.62 Spin up 0.989 0.990 0.991 0.996 0.996 Fe(III)

Spin down 0.104 0.213 0.223 0.420 0.423

Fe(2) 1.70 Spin up 0.990 0.990 0.994 0.995 0.995 Fe(III)

Spin down 0.164 0.197 0.221 0.383 0.390

Fe(3) 1.70 Spin up 0.989 0.991 0.994 0.995 0.996 Fe(III)

Spin down 0.089 0.220 0.254 0.345 0.416

Fe(4) 1.62 Spin up 0.989 0.989 0.990 0.996 0.996 Fe(III)

Spin down 0.101 0.212 0.219 0.420 0.426

After doubly de-protonated H2C2O4 adsorption (H2C2O4 breaks into two H+ and one C2O4
2–)

Fe(1) 1.64 Spin up 0.989 0.990 0.991 0.995 0.996 Fe(III)

Spin down 0.107 0.212 0.224 0.414 0.418

Fe(2) 1.73 Spin up 0.989 0.990 0.992 0.995 0.995 Fe(III)

Spin down 0.152 0.180 0.273 0.355 0.372

Fe(3) 1.73 Spin up 0.989 0.992 0.993 0.995 0.996 Fe(III)

Spin down 0.109 0.196 0.281 0.313 0.410

Fe(4) 1.63 Spin up 0.988 0.991 0.993 0.995 0.996 Fe(III)

Spin down 0.085 0.121 0.303 0.408 0.426

After the C–C bond of the adsorbed C2O4
2– breaks

Fe(1) 1.64 Spin up 0.989 0.990 0.992 0.996 0.996 Fe(III)

Spin down 0.128 0.192 0.232 0.416 0.424

Fe(2) 1.65 Spin up 0.989 0.990 0.992 0.996 0.996 Fe(III)

Spin down 0.133 0.197 0.229 0.412 0.421

Fe(3) 1.31 Spin up 0.985 0.991 0.993 0.997 0.998 Fe(II)

Spin down 0.043 0.088 0.199 0.225 0.961

Fe(4) 1.38 Spin up 0.987 0.990 0.993 0.997 0.998 Fe(II)

Spin down 0.057 0.066 0.195 0.208 0.958
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Experimental Findings
To establish the formation of humboldtine, the solid phase

before and after dissolution was analyzed using SEM-EDS and
XRD. The SEM-EDS data were as follows: 14 wt.% of carbon,
41 wt.% of iron, and ~1 wt.% of other impurities such as
aluminum and silicon. The calculated oxygen concentration
was 44 wt.%. The XRD analysis showed that a transformation
of the solid phase took place as a result of dissolution (Fig. 2).
The XRD pattern was in good agreement with hematite before
the dissolution. After dissolution, the pattern showed
humboldtine in the α monoclinic phase, a small amount of
hematite, and a small fraction of humboldtine in the β phase.
The XRD peaks were narrow and sharp, indicating a well-
formed crystal structure in both cases.

A remarkable change in color was observed between the
samples, indicating the formation of humboldtine which has a
typical yellow to amber-yellow color (Lide, 1999). The origi-
nal hematite powder was red whereas the precipitate appeared
yellow after the dissolution (Fig. 3a). The SEM images showed
very large crystals and chain structures (Fig. 3c,d), in good
agreement with the crystallographic structure of humboldtine
(Fig. 3b). The DFT results (described above) showed that the
iron atoms of the hematite surface can convert to Fe(II) and can
precipitate in the presence of oxalates into large quantities of

humboldtine crystals given the low solubility (Ksp(ferrous
oxalate) = 3.2∙10−7) (Speight et al., 2005).

SUMMARY AND CONCLUSIONS

The present study showed that the adsorption of oxalate ion
to the surface of hematite and the electron-transfer of Fe(III) to
Fe(II) facilitated the formation of humboldtine. Considering
the phase diagram (Lee et al., 2007) and the XRD results,
excess amounts of oxalic acid are seen to favor the formation
of crystalline humboldtine. The 1:2molar ratio of Fe/C2O4 was
required to obtain humboldtine as 1 mole of oxalate was
required for the electron transfer of Fe(III) to Fe(II), and
another 1 mole was needed to form humboldtine. In theory,
~25 g of humboldtine could be formed using 12 g of synthetic
hematite and 40 g of oxalic acid dihydrate powder.

If the target was to dissolve hematite without forming
humboldtine, this could be achieved by adding the oxalic acid
gradually. In addition, humboldtine formation was unlikely to
be observed if the reaction scheme was shifted toward carbon
dioxide formation.

The most important result of the current study was the
discovery of a new pathway to produce large crystals of
humboldtine of good quality. The previous method by which

Fig. 1 Top view and side view of the structure after the C–C bond breaks on the Fe2O3 (0001) surface. Brown, Fe; Red, O; and White, H

Fig. 2 XRD patterns of solid phases before and after dissolution in 0.33 M oxalic acid at 35°C. * indicates peaks characteristic of humboldtine
(Fe2O3∙2H2O) in the α monoclinic phase
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humboldtine was synthesized involved several steps, whereas
the present method requires only mixing of oxalic acid with
hematite powder at the appropriate temperature of 35°C and
for the appropriate experimental time of < 400 h. The XRD
analysis showed that the crystal structure was in the monoclin-
ic α phase suitable for applications requiring significant ion
mobility (Yamada et al., 2009). The samples could be used for
anode material in lithium-ion batteries, therefore (Zhang et al.,
2020). Moreover, the DFT calculations provided important
atomistic details about the structures after oxalic acid adsorp-
tion, and information about the direction and magnitude of the
charge-transfer process, which were exhibited by both the
Bader charge and oxidation state analysis. Oxalic acid was
doubly de-protonated and adsorbed on the Fe2O3 (0001) sur-
face. The adsorption process alone did not lead to surface
reduction. The charge transfer and oxidation state analysis
showed that cleavage of the adsorbed oxalate C–C bond was
key to reducing two surface Fe(III) to Fe(II), providing the sites
for subsequent reactions of the oxalate to form humboldtine.
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Abstract: Dissolution mechanisms and kinetics have a key role in better understanding of processes.
In this work, magnetite and hematite powder were dissolved in oxalic and nitric acid mixtures
at different temperatures. Higher temperature and higher amounts of oxalic acid in the system
accelerated the dissolution kinetics but did not result in higher solubility levels. Oxalic acid had also
drawbacks in the process since higher amounts in the system promoted formation of a solid product,
humboldtine (Fe(II)C2O4·2H2O), which, in turn, inhibited the dissolution. This problem may be
overcome by adding even a small amount of nitric acid to the system. Kinetic analysis showed, in the
variable-rate-controlling step, that two linear fits of the Kabai model described the dissolution better
in an oxalic acid and acid mixture of 70/30. Thermodynamic data and special cubic models showed
that the nitric acid concentration had a significant role in the solubility, whereas the concentration of
oxalic acid had only minor effects on solubility. The results also showed that measuring the oxalate
and nitrate concentrations did not provide additional information about the dissolution mechanism
itself. The pH, however, might be a tool for following the extent of dissolution, even though it is not a
direct indicator of the dissolution mechanism.

Keywords: acidic dissolution; hematite; magnetite; humboldtine; oxalic acid; nitric acid;
kinetics; mechanisms

1. Introduction

Due to decreasing amounts of high-grade deposits and increasing demand for metals,
alternative metal resources have received increasing interest during recent decades. Iron is
often found as an impurity in secondary resources; therefore, it should be removed prior
to utilizing the target element [1–4]. Dissolution is an interesting option due to its high
selectivity and mild process conditions. Rather often, dissolution can be carried out at room
temperature or within a few hours at elevated temperatures [5]. An interesting practical
application is the regeneration ceramic filter media used in iron ore processes by acidic
dissolution [6]. Moreover, oxalic acid can be used to dissolve the magnetite oxide film,
which forms the majority of the corrosion oxides in the cooling system of a nuclear power
plant [7].

In the dissolution processes, dissolution kinetics play a vital role in terms of process
optimization, because by knowing the kinetics and the rate-controlling step, the whole
process can be manipulated. The kinetic models presented in the literature are not solely
based on the dissolution phenomena but are often also based on mathematical data fitting.
However, kinetic models give a good estimation on the rate-controlling step of a reaction.
Markus et al. [8] pointed out that kinetic modelling alone cannot provide an answer to the
dissolution mechanism. Understanding the dissolution mechanism also requires deep char-
acterization of the solid phase. Considering that many kinetic models have either a purely
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mathematical background or are a combination of mathematics and theory on chemical
reactions, the requirement to study the chemical system itself through characterization of
the chemical species seems logical.

Nitric acid can be used as a leaching agent in copper and zinc hydrometallurgy,
because it is selective and has a high oxidation capacity [9,10]. Moreover, the formed
nitrogen gases can be regenerated back to nitric acid again [11]. On the other hand, oxalic
acid is a more effective leaching agent for magnetite compared with nitric acid [12], but
the use of oxalic acid can lead to undesired precipitation problems in full-scale operations.
Oxalic acid, however, can improve the dissolution rate and solubility level of iron oxides in
sulfuric acid [13–15]. Therefore, it is hypothesized that the addition of oxalic acid to nitric
acid can contribute to faster processing.

The main aim of this paper is to investigate the thermodynamics and kinetics of
magnetite and hematite dissolution in mixtures of oxalic and nitric acid to investigate
the hypothesis presented above. The experimental part is carried out to respond to the
following research questions: (1) Can the rate of dissolution of magnetite and hematite
be accelerated by adding oxalic acid into nitric acid? (2) Can the dissolution mechanisms
be identified in different acid systems using the existing kinetic models assisted with
characterization of the solid particles?

2. Theory
2.1. Dissolution of Iron Oxides in Oxalic Acid

The whole reaction scheme for both magnetite and hematite dissolved in oxalic acid
is presented in Equations (1)–(14). Dissociation of oxalic acid is the first step in the reac-
tion scheme. Oxalic acid is a diprotic acid with two dissociation reactions, as shown in
Equations (1) and (2) [16,17].

H2C2O4 ↔ HC2O−4 +H+ (1)

HC2O−4 ↔ C2O2−
4 +H+ (2)

The dissociation constants are K1 = 5 × 10−2 mol/L and K2 = 5 × 10−5 mol/L.
Panias et al. [18] reconstructed the dependence of dissociated fractions of HC2O4

− and
C2O4

2− on the solution pH and found that HC2O4
− is more favorable in highly acidic

conditions (pH < 1).
Dissolution of magnetite in oxalic acid begins when a proton is adsorbed onto the solid

surface, after which oxalate groups replace the OH groups on the solid surface, according
to Equation (3) [19].

> FeIII−OH+−OOC−COOH↔ > FeIII(C2O4)+H2O (3)

where the “>” symbol describes the solid surface and III is the oxidation state of iron in the
solid phase.

Secondly, an Fe(III)–oxalate complex is dissolved during the slow induction period
(Equation (4)).

> FeIII(C2O4)↔ FeIII. . . (C 2O4

)+
↔ Fe3+(C2O4)

+
(aq) (4)

where “ . . . ” is the adsorbed species on the solid surface and 3+ is the oxidation state of
iron in the liquid phase.

As magnetite includes Fe(II) ions on the solid surface, the concentration of Fe2+ in-
creases in the solution and once the critical quantity is achieved, the dissolution is acceler-
ated by reductive dissolution (Equations (5) and (6)).

> FeII . . . (C2O4)+ > FeIII(C2O4)↔ FeIII . . . (C2O4)
++ > FeII(C2O4) (5)
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> FeII(C2O4)↔ > Fe . . .(C2O4)↔ Fe2+(C2O4)(aq) (6)

Either Equation (5) or (6) controls the rate of dissolution. If Fe2+ is initially added or present
in the solution, then the induction period (Equation (4)) vanishes, and Equations (5) and (6) take
place directly.

In the case of hematite, the dissolution begins with the adsorption of a proton onto the
solid surface generating the active OH centers for dissolution, Equation (7), after which the
ligand, denoted with L, is adsorbed onto these active centers, as in Equation (8) [20].

> FeIII−O + H+ ↔ > FeIII−OH+ (7)

> FeIII−OH++Ln−+H+ ↔
[
> FeIII−L

](n−2)−
+H2O (8)

After this, the dissolution is described as a reductive dissolution process, which in-
cludes a slow induction period, during which the electron transfer takes place (Equation (9))
and the Fe2+ is detached from the solid surface, as in Equation (10).[

> FeIII−ox
]
↔
[
> FeII−ox

]
(9)

2
[
FeII−ox

]
+2H+ → 2Fe2+

(aq)+2CO2+ox + 2 > H (10)

Ferrous ions accelerate the dissolution and shifts the reaction towards an autocatalytic
process (Equations (11)–(14)). The rate-controlling steps can be the ligand adsorption or
electron transfer reaction.[

> FeIII−ox
]
+[Fe 2+−ox](aq) → > FeIII−ox . . . Fe2+−ox (11)

> FeIII−ox . . . Fe2+−ox→ > FeII−ox . . . Fe3+−ox (12)

> FeII−ox . . . Fe3+−ox→ > FeII−ox + [Fe 3+ ox](aq) (13)

> FeII−ox→ [Fe 2+−ox](aq) (14)

Very often, the dissolution of hematite is described with these basic steps (Equations (7)–(14)),
but Lee et al. [21], Salmimies et al. [14], and Vehmaanperä et al. [22], for example, have
observed the formation of humboldtine precipitate during the dissolution of hematite in
pure oxalic acid (Equation (15)).

FeII+C2O2−
4 +2·H2O↔ Fe(II)C2O4·2(H 2 O)(s) (15)

Vehmaanperä et al. [22] showed that oxalate adsorption was stronger than bioxalate,
suggesting that the ligand is an oxalate ion. The DFT calculations show that oxalate is
oxidized, but the electron transfer reaction (Equation (9)) is not very significant, and the
oxalate electron is shared by the whole hematite slab instead of reducing a particular iron
on the surface. After the breakage of the C-C bond, reduction of Fe(III) to Fe(II) takes place
by the C2O4

2−→2CO2 reaction and the remaining oxalate reacts with surface Fe(II) to form
humboldtine (Equation (15)). The adsorption process alone does not lead to the surface
reduction, but the adsorbed oxalate C-C bond has the key role in reducing Fe(III) to Fe(II).

2.2. Dissolution of Iron Oxides in Nitric Acid

Even though nitric acid can be used in several hydrometallurgical processes, i.e.,
leaching of electric arc furnace dust [23] or regeneration of ceramic filter medium [6], very
detailed reaction mechanisms cannot be found in the literature; hence, some assumptions
have to be made. The first assumption is that the dissolution in nitric acid systems begins
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with the dissociation of nitric acid. Nitric acid is a strong acid that dissociates almost
completely in water according to Equation (16), and thus the assumption seems logical.

HNO3(aq)+H2O→ H3O++NO−3 (16)

The dissociation constant is Ka = 4.36·101 mol/L [24]. The second assumption is,
based on Stumm and Furrer [25], that nitrate is a non-complexing anion, leading up to the
conclusion that iron oxides dissolve via the protonation mechanism in nitric acid. First,
a proton is adsorbed onto the OH group on the solid surface, which changes the surface
FeOHOH2 pair into a positively charged Fe(OH2)2+ group. Second, two more protons per
Fe are adsorbed onto the OH group on the iron oxide surface, which leads to the detachment
of Fe. The detachment step controls the rate of reaction as it requires the highest activation
energy [18]. The overall dissolution reaction is summarized in Equation (17) for magnetite
and in Equation (18) for hematite.

Fe(III)2Fe(II)O4+H+
(aq) ↔ 2Fe3+

(aq)+Fe2+
(aq)+4H2O (17)

Fe(III)2O3+6H+
(aq) ↔ 2Fe3+

(aq)+3H2 (18)

In addition, Ma et al. [26] have suggested that dissolution of magnetite in nitric acid
could be a dissolution–oxidation–precipitation reaction. This mechanism contains three
steps, where the first step is the dissolution of magnetite according to Equation (17), the
second step the oxidation of Fe2+ to Fe3+, shown in Equation (19), and the third step is the
precipitation of Fe3+ ions to solid hematite, shown in Equation (20).

3Fe2+
(aq)+NO−3 (aq)+4H+

(aq) → 3Fe3+
(aq)+NO(g)+H2O (19)

2Fe3+
(aq)+H2O→ Fe2O3(s)+6H+

(aq) (20)

If the reaction steps shown in Equations (19) and (20) proceed, the consumption of
nitrates, formation of nitric oxide gas, and/or possible precipitation of solid hematite
should be observed. On the other hand, Van Weert and Shang [10] pointed out that, based
on the Pourbaix diagrams, Fe2+ and NO3

− cannot coexist in acidic solutions. Droppert and
Shang [27] also noticed that nitric acid has a strong oxidative power, and it can thus oxidate
ferrous iron to ferric iron. Therefore, it is assumed that the dissolution of magnetite in nitric
acid proceeds through Equations (17) and (19).

The Thermoddem database for the PHREEQC computer program showed that there
was no binary interaction between Fe(III) and NO3

− ions; therefore, it can be assumed that
Fe3+, NO3

−, and H+ ions are the only species in hematite–nitric acid system [28]. In this
case, the dissolution proceeds though Equation (17).

2.3. Reaction of Oxalic Acid with Nitric Acid

The reaction between oxalic and nitric acid should also be considered in this paper.
This reaction can be described by Equation (21) [29]. However, the initial reaction did not
take into account the formation of NO2 gas as observed by Mason et al. [29]. Mason et al.
suggested that this finding was due to (1) decomposition of nitric acid (Equation (22)),
(2) oxidation of NO to NO2, or (3) some other reaction, not yet identified, produced NO2.

3(COOH)2+2HNO3 ↔ 6CO2+2NO + 4H2O (21)

4HNO3 ↔ 4NO2+2H2O + O2 (22)

2.4. Modelling of Iron Oxide Solubility

Regression modelling offers an additional tool for the evaluation of the effect of
different process parameters on dissolution. Statistical analysis methods have previously
been used to describe the dissolution kinetics of iron from kaolin [30] and the effect of
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different variables (temperature and concentration) on the dissolution of manganiferous
ores [31]. The simplest model is a pure linear model, but it often fails to explain the data
especially for complex reaction systems; therefore, nonlinear interactions can be added
to improve the fit. For example, Salmimies et al. [32] have shown that multiple linear
regression modeling can successfully be used to describe the dissolution of synthetic and
industrial magnetite powders in oxalic acid.

In this paper, the dissolution experiments were carried out in mixtures of oxalic and
nitric acid; therefore, the modelling is performed with Scheffé polynomials [33,34]. The
Scheffé polynomials are applied to mixtures and, for example, Castro Dantas et al. [35]
have successfully planned the experiments of heavy metals extraction by microemulsions.
The special cubic model, Equation (23), is one of the commonly applied mixture models:

Y = β1x1 + β2x2 + β3x3 + β12x1x2 + β13x1x3 + β23x2x3 + β123x1x2x3 (23)

The term Y is the dependent variable, x1,2,3 are explanatory variables, and βn is the
slope coefficient for each explanatory variable. It should be kept in mind that mixture mod-
els, e.g., the special cubic model, do not include the constant term β0, because, otherwise,
the β parameters become nonestimable [34].

In a statistical hypothesis test, p-value is an important tool in the evaluation of the
statistical significance of each variable. The commonly accepted significance level is 5%,
meaning that if the p-value is smaller than 0.05, the variable has a statistical significance.
The goodness of fit can be evaluated using the coefficient of determination, R2, and the
scatter plots of measured and modelled data. Adding terms can improve R2-values, but it
does not necessarily improve the predictability of the model.

2.5. Kinetic Modelling

Kinetic modelling is often used for better understanding of the rate-controlling step
of the dissolution. Knowledge of the rate-controlling step enables the whole dissolution
process to accelerate. Cornell and Schwertmann [5] have collected an extensive summary of
models that can describe the dissolution of several different solids. Based on an extensive
set of preliminary experiments carried out for this work, the Kabai model [36] was the
only one able to describe the kinetics of the studied systems; therefore, only this model is
presented here (Equation (24)).

ln ln
(

1
1− α

)
= a ln k + a ln t (24)

where α is the fraction of dissolved iron (−) at the time t (s), k is the reaction rate constant
(s−1), and a is the system specific constant of the model. The dissolution kinetics are
diffusion-controlled when a < 1, and are surface-chemical-reaction-controlled when a ≥ 1.
The double logarithm may conceal the small scatter in the data; therefore, the evaluation
of model suitability shall not be based on only the R2-values: the reconstructed models
should be used.

The Kabai model is derived from the Nernst equation, which was able to describe
only a limited number of systems; thus, the model was further modified. Weibull [37]
introduced it the first time to describe the dissolution of pharmaceuticals. Kabai [36] stated
that the constant a describes the dissolution mechanism as well as the rate-controlling step.
However, several other studies [14,15,38–40] showed that a is not a constant and argued
that it describes the point where the dissolution mechanism changes from one mechanism
to another [14,15]. It should be kept in mind that the kinetic models presented in the
literature are not solely based on dissolution phenomena but include a varying degree of
pure mathematics [21,41,42].
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3. Materials and Methods
3.1. Chemicals

A solid synthetic magnetite powder (97%, Alfa Aesar) and a synthetic hematite powder
(98%, Alfa Aesar) were used in the dissolution experiments. The volumetric particle size
distributions of these two powders were measured by a laser diffraction particle size
analyzer and are shown in Figure 1. X-ray diffraction analysis (XRD) verified that magnetite
and hematite were the only mineralogical phases, whereas scanning electron microscope
with X-ray analyzer (SEM-EDS) showed that the concentrations of other impurities, carbon,
and sulfur, were below 1%.
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Figure 1. Volumetric particle size distribution of magnetite and hematite powder. D [3;2] is the Sauter
mean diameter and D [4;3] is the volume mean diameter. D10, D50, and D90 values correspond to
the size of particles that are 10, 50, or 90% smaller than all the particles in the sample, respectively.

Oxalic acid solutions of 0.33 mol/L were prepared using an oxalic acid dihydrate
powder from Merck (99%, Darmstadt, Germany) and 1.30 mol/L nitric acid solutions
were prepared using a nitric acid solution from Merck (65%, Darmstadt, Germany). In
addition, a strong, concentrated hydrochloric acid (37%, Darmstadt, Germany) was used
for further preparing a 16 wt% HCl solution for sample dilutions and storage. Nitric acid
has previously been used to store samples but could not be used here because nitrate
concentrations during dissolution were also analyzed. All solutions were prepared using
pure water (Merck Millipore). The concentrations were chosen to yield comparative results
with the previous studies of the authors [12,14,15,22].

3.2. Analysis

All analyses were carried out at the temperature of 22 ◦C. The laser diffraction particle
size analyzer (Mastersizer 3000, Hydro EV unit, Malvern, WR14 1XZ, United Kingdom)
was used for analyzing the particle size distribution of solid powders. X-ray diffraction
(XRD, Bruker D8 Focus, Karlsruhe, Germany) with a CuKα radiation was used to verify
the mineralogical phase, whereas a Zeiss scanning electron microscope with X-ray analyzer
(SEM-EDS, Madison, WI, USA) was used to verify the chemical composition. The pH
was measured continuously from a reactor by Mettler Toledo FE20/FG2 m with a LE438
electrode. The concentration of total dissolved Fe was analyzed by a flame AAS (Thermo
Scientific iCE3000 Atomic Absorption spectrometer, China), where the samples were diluted
further with 14 wt% HNO3 to meet the calibration range (0 to 7 mg/L). The concentrations
of oxalate and nitrate ions were measured using ion chromatography (IC, Thermo Scientific
Dionex ICS-1100, CA, USA) in a pure water matrix. The pure water did not cause any solid
precipitation in the samples.

3.3. Dissolution Experiments

The experiments were carried out using a similar setup as in previous studies of
the authors [14,15,22,43]. The experiments were carried out in a jacketed reactor of 1 L
volume with an inner diameter of 9.5 cm. The vessel included a heating and cooling mantel,
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which was connected to a Lauda proline RP855 thermostat to control the temperature.
A pitched-blade turbine with a diameter of 4.4 cm and four baffles with a diameter of 1 cm
yielded mixing conditions. First, the solution was thermostated to the desired temperature
and a blank sample was drawn. Second, the dissolution experiment was started by adding
the magnetite or hematite into the reactor and commencing the mixing. Mixing speed was
800 rpm in all experiments, as the previous studies showed [43]. Samples were collected
from the liquid phase with a syringe, filtered through a 0.45 µm syringe filter, and diluted
ten times with 16 wt% HCl to avoid unwanted precipitation in the samples.

The mass of solids varied between the thermodynamic and kinetic experiments. In
the thermodynamic experiments, the aim was to reach the equilibrium solubility; therefore,
excessive solids of 40 g/L were used. Complete dissolution was expected in kinetic
experiments; hence, the pulp density used was 12 g/L. The data for the kinetic experiments
showed both complete and incomplete dissolution.

Dissolution experiments were carried out by varying the volumetric ratio between
0.33 mol/L oxalic and 1.30 mol/L nitric acids. The studied ratios (Ox/HNO3) were 0/100,
30/70, 50/50, 70/30, and 100/0. In the thermodynamic experiments, all the acid ratios
were studied at 50 ◦C (5 experiments for both magnetite and hematite) and 3 acid ratios,
0/100, 50/50, and 100/0, were studied at 35 ◦C. Additionally, 50/50 was studied at 15 ◦C.
The kinetic experiments were carried out with all acid ratios at 35 ◦C (5 experiments for
both magnetite and hematite). For additional clarification, Table 1 shows the corresponding
concentrations of oxalic and nitric acid in different systems. The experimental error, ± 2%,
was determined by repeating the thermodynamic experiment with the acid mixture of
50/50 at 50 ◦C, three times.

Table 1. Corresponding oxalic and nitric acid concentrations in different acid systems.

Ox/HNO3 c(Ox), mol/L c(HNO3), mol/L

100/0 0.330 0
70/30 0.231 0.39
50/50 0.165 0.65
30/70 0.099 0.91
0/100 0 1.3

4. Results and Discussion
4.1. Effect of Acid System and Reaction Temperature on Solubility

The data from the thermodynamic experiments is shown in Figure 2A,B for magnetite
and in Figure 2C,D for hematite. The solubility of magnetite varied from 10,000 mg/L
to 20,000 mg/L, whereas the solubility of hematite exhibited slightly lower values from
10,000 mg/L to 16,000 mg/L.

The temperature had a positive effect on the kinetics when magnetite was dissolved
in acid mixture of 50/50; the kinetics was accelerated, and the solubility increased from
10,000 mg/L to 13,500 mg/L when the temperature increased from 15 ◦C to 50 ◦C. This
finding is in the line with the previous study of Salmimies et al. [14], where magnetite was
dissolved in a 50/50 (Ox/H2SO4) mixture. When magnetite was dissolved in pure oxalic
acid, the temperatures of 35 ◦C and 50 ◦C resulted in only a 10% difference in solubility
levels. However, the higher temperatures increased the rate of dissolution, because the
higher temperature favored the formation of Fe2+ ions in the solution, which in turn results
in the increased rate of dissolution. Additionally, Taxiarchou et al. [44] found that the
temperature had a significant effect on the rate of dissolution when dissolving magnetite in
acidic oxalate solutions. They also noticed that the shape of the dissolution curve varied at
different temperatures and, for example, the concave shape of the curve at 30 ◦C indicated
the autocatalytic dissolution of magnetite. Interestingly, the temperature had an opposite
effect on the solubility level in pure nitric acid than in pure oxalic acid, where the highest
iron concentration was achieved at 35 ◦C, whereas the concentration was lower at 50 ◦C.
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Increase in temperature can favor unwanted side reactions (e.g., in the case of magnetite,
shown in Equation (18)), which can inhibit the dissolution of iron.
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In the case of hematite, increase in temperature from 15 ◦C to 50 ◦C increased the
rate of dissolution, whereas the solubility level was roughly same in pure oxalic acid
and in acid mixture of 50/50. Even though the equilibrium solubility did not change
remarkably, the experimental time was significantly influenced by the temperature. In
pure oxalic acid, the time required to reach equilibrium solubility was 100 h at 50 ◦C and
200 h at 35 ◦C. The experimental times were roughly 50% longer in acid mixture of 50/50,
150 h at 50 ◦C and 300 h at 35 ◦C. On the other hand, the temperature of 15 ◦C differed
significantly, where the experimental time was 1500 h. As it was already observed with
magnetite, the higher temperature of 50 ◦C resulted in lower solubility than at 35 ◦C in pure
nitric acid. Additionally, the Thermoddem database for the PHREEQC computer program
showed similar results. Sasaki et al. [45] observed that higher temperature resulted in lower
solubility when dissolving goethite in sulfuric acid, whereas a similar finding was made by
Liu et al. [46] when dissolving hematite in sulfuric acid. Liu et al. [46] did not, however,
discuss the reason for this finding. The same conclusion as that with magnetite is valid
here: the higher temperature promoted unwanted side reactions. One reason could be
that increasing temperature introduces more heat into the system, and the system would
balance to the excess heat energy by inhibiting the dissolution of iron in nitric acid. This
phenomenon is surely of interest for future investigations.

With a closer look of different oxalic and nitric acid mixtures at 50 ◦C, higher amount
of oxalic acid in the system had a positive effect on the dissolution rate. The solubility of
magnetite and hematite was roughly the same, but the required dissolution time decreased
when the amount of oxalic acid increased from 30% to 100%. In the case of magnetite,
the decrease was from 75 h to 1 h, and in the case of hematite, the decrease was from
200 h to 100 h. Taxiarchou et al. [43] have also noticed that the concentration of oxalic acid
(0.1–0.3 M) in the system did not influence the solubility level when dissolving magnetite
in oxalic acid. Higher amounts of oxalic acid in the system can facilitate the precipitation
of iron oxalate, hence inhibiting the dissolution. A study by Lee [47] showed that an
increase in oxalic acid concentration from 0.037 mol/L to 0.112 mol/L increased the rate of
dissolution. However, the dissolution did not proceed to an equilibrium solubility; hence,
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an extensive comparison cannot be carried out. Considering only the kinetics aspect, the
findings of our study are in line with Lee’s findings [47]; a higher amount of oxalic acid in
a system accelerates the dissolution.

Magnetite dissolved roughly ten times faster than hematite in systems containing
oxalic acid. The reason can be found in the nature of the two solids and the dissolution
mechanisms, which are expected to be complex formation and reductive dissolution.
Magnetite naturally contains Fe(II) on its lattice, that can be directly liberated to the solution
accelerating the dissolution. The reduction of Fe(III) into Fe(II) is not required, unlike in
the case of hematite, that does not contain readily available Fe(II). Panias et al. [20] have
also found that Fe2+ ions accelerated the dissolution. With a closer look of the systems
containing only nitric acid, the finding is in line with the original assumption of the
dissolution mechanism: the dissolution in nitric acid is expected to proceed via protonation.

4.2. Behavior of pH during the Experiments

Even though the pH of the solution was not adjusted during the experiments, it was
monitored over the whole reaction time. The initial pH varied between 0 and 1 depending
on the temperature and on the acid system; the pH was higher with higher amount of oxalic
acid in the system and higher temperatures and close to 0 in pure nitric acid. The behavior
of pH was similar for magnetite and hematite. An illustrative example is shown in Figure 3
for magnetite and hematite. In all cases, the shape of the t–pH curve followed the shape
of the dissolution curve and reached a steady level at the end of the dissolution reaction.
This finding indicates that pH can be a preliminary tool in the evaluation of the extent
of dissolution. The change in pH, however, does not provide direct information about
the dissolution mechanism, as the pH behaved similarly in both acids and the dissolution
mechanisms are most probably different in oxalic and nitric acid. The dissolution in oxalic
acid is expected to proceed via complex formation and reductive dissolution, whereas in
the nitric acid it is expected to proceed via protonation. It is worth noting that the pH
values were rather low in all cases, leaving the changes in the pH difficult to observe and
increasing the experimental error.
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4.3. Statistical Analysis of Thermodynamic Data

The aim here was to statistically investigate the effect of process parameters on the
solubility of magnetite and hematite. The data analysis tools of Excel were used to generate
the regression models describing the effect of temperature and acid concentrations on the
solubility of iron. The data used for modelling was the concentration of iron in the final
stages of dissolution found during the thermodynamic experiments (response), temperature
(variable), and the initial oxalic and nitric acid concentrations (variables). At first, linear
regression models were tested for both magnetite and hematite, because Salmimies et al. [32]
previously showed that the data could be described with these models. In the case of pure
linear model, the R2-values were low in all cases, 0.33–0.70, and the modelled data varied
up to 17% from the measured values. The interaction and quadratic terms were also
included in the model, but the fits did not improve significantly (up to 0.76). Moreover, the
concentration of oxalic acid was considered only in one interaction term. The relatively
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poor R2 values mean that the dissolution phenomenon cannot be explained with simple
statistical models, because there is no linear interaction between the variables. Previously,
Salmimies et al. [32] found that the dissolution of synthetic magnetite powder in oxalic acid
could be described well with a linear model, whereas industrial magnetite required the full
quadratic model. Impurities and competing reactions when dealing with real industrial
raw materials might explain why a quadratic model was needed for industrial magnetite.
Salmimies et al. [32] carried out the experiments using a single acid system, which might
explain the need for more complex models in acid mixtures.

As the multiple linear regression models failed, the special cubic model was generated
(Equation (21)). The R2-values were good (0.9988 for magnetite and 0.9997 for hematite).
The results for special cubic model Equation (25) for magnetite and Equation (26) for
hematite are presented in Figure 4, which illustrates the scatter plots for both solids.

[Fe]Magnetite= 43.01
mg

°C·L ·T + 32.937·103 mg
mol
·[OX]+25.390·103 mg

mol
·[HNO3 ]−329.324

mg
°C·mol

·T·[HNO3 ]−135.61·103 ·mg·L
mol2

·[Ox]·[HNO3 ]+2.720·103 mg·L
°C·mol2

·T·[Ox]·[HNO3 ]. (25)

[Fe]Hematite= −4.844
mg

°C·L ·T + 36.286·103 mg
mol
·[OX]+17.226·103 mg

mol
·[HNO3 ]−147.037

mg
°C·mol

·T·[HNO3 ]−62.710·103 ·mg·L
mol2

·[Ox]·[HNO3 ]+1.217·103 mg·L
°C·mol2

·T·[Ox]·[HNO3 ] (26)

where [Fe] is the concentration of dissolved iron at the equilibrium stage (mg/L), T is the
temperature (◦C), and [Ox] and [HNO3] are the initial concentration of oxalic and nitric acid
(mol/L), respectively. It should be noted that neither of the models contain the interaction
term of T·[Ox] because its coefficient is zero. This finding means that there is no linear
interaction between the oxalic acid concentration and temperature.
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The observed and modelled data suggested an excellent prediction of equilibrium
solubility of iron. The relative error between the modelled and observed values was less
than 8% for magnetite, whereas the relative error was less than 4% for hematite. Based
on the p-values listed in Table 2, there was a slight difference in the statistical significance
of variables between magnetite and hematite. In the case of magnetite, the temperature,
oxalic acid concentration, and the interaction term of T·[HNO3] did not have statistical
significance (p < 0.05) for the solubility of iron, whereas in the case of hematite, temperature
alone was the only variable that did not have statistical significance. The interaction terms
have a strong statistical significance; therefore, the impact of individual variables should
not be evaluated very precisely.

Table 2. p-values of each variable in linear model with interaction terms.

Term p-Value (Magnetite) p-Value (Hematite)

T 0.6082 0.8755
[Ox] 0.0246 0.0002

[HNO3] 0.0002 0.00001
T·[HNO3] 0.0113 0.0055

[Ox]·[HNO3] 0.0031 0.0012
T·[Ox]·[HNO3] 0.0057 0.0026



Minerals 2022, 12, 560 11 of 19

In addition to the equilibrium iron solubility, the effect of temperature and acid
concentration on the solubility level is investigated. The equilibrium concentration is
calculated based on the models in Equations (25) and (26), and the influence of studied
parameters is illustrated. Surface plots for magnetite, Figure 5A–C, and for hematite,
Figure 5D,E, are shown to illustrate the effect of different variables at fixed oxalic acid
concentration, nitric acid concentration, and temperature. As can be seen from Figure 5, the
highest equilibrium iron concentration can be achieved with high nitric acid concentration
at moderate temperature with low oxalic acid concentration. This finding is similar for both
solids. Purely statistical models, however, do not consider the kinetic aspect or possible
solid product precipitation. For example, the experimental time is an important topic to
keep in mind when evaluating the dissolution process from an economic point of view, as
the experimental time can be significantly longer in a pure nitric acid system, bypassing
the positive effect of high iron content (Section 4.1).
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4.4. Kinetics of Dissolution

The fraction of iron dissolved from magnetite and hematite during the kinetic exper-
iments are shown in Figure 6. The shape of the dissolution curve varied depending on
the acid system. In pure oxalic acid, a clear sigmoidal trend indicating an induction step
can be seen in the case of magnetite and hematite (Figure 6A,B). This induction step was
shorter when the amount of nitric acid increased (Figure 6C–J). In pure nitric acid systems
(Figure 6I,J), the dissolution showed almost a linear trend, i.e., the rate of reaction was
stable during the whole process and no accelerating effect of nitrate ions (NO3

−) could
be seen. The linear shape indicates that the dissolution proceeded via protonation, which
confirms the initial hypothesis made on the reaction mechanism.
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To have a closer look at the role of anions, the normalized concentration of oxalate
and nitrate ions is presented in the same figures. The normalization was carried out by
dividing the measured ion concentration by the measured initial concentration for two
different acids to be compared. The main findings can be clearly pointed out: a systematic
decrease in oxalate concentration can be seen in pure oxalic acid, whereas no remarkable
changes can be seen in nitrate concentrations, either in the pure nitric acid or the acid
mixtures. The decrease in oxalate concentration indicates the dissolution proceeding via
complexation and the solid product formation, both of which consumed oxalate ions. The
color of the solid phase changed from black magnetite or red hematite to the yellowish
solid, which clearly indicated similar solid product formation as observed by Salmimies
et al. [14] and Vehmaanperä et al. [22]. The concentration of nitrate did not appear to change
during the dissolution that supports the initial assumption of the dissolution mechanism,
protonation. In the case of magnetite, the reaction scheme and the literature indicated that
nitrates would oxidize Fe2+ to Fe3+, but here the concentration of nitrates remained rather
stable over the whole reaction time. The initial concentration of nitrate was rather high, at
80 g/L; therefore, the samples required several dilutions, and these dilutions may mask
small changes in the nitrate concentration. Additional analysis supported that iron was
present in the solution only as Fe3+; therefore, the reaction step shown in Equation (18) took
place. The solid phase was further characterized after the dissolution and the discussion
can be found in Section 4.5.

As can be seen, the amount of oxalic acid in the system had a significant effect on the
dissolution kinetics: the higher the amount of oxalic acid in the system, the more accelerated
the dissolution of magnetite and hematite. In pure oxalic acid systems, a systematic decrease
can be seen in the normalized oxalate ion concentration, which can be explained by two
reactions consuming oxalates: (1) complexation followed by reductive dissolution, and
(2) the formation of a solid iron oxalate. This finding is line with the previous work of the
authors [22]. The formation of a solid product is discussed in Section 4.5. In acid mixtures,
the decrease in oxalate concentration can also be explained with the reaction between oxalic
and nitric acid (Equation (21), which consumes oxalates, but does not form the solid iron
oxalate product).

The data from the kinetic experiments was analyzed by the Kabai model, introduced in
Section 2.4. As can be seen from Figure 6, the reconstructed Kabai model described the data
of magnetite and hematite dissolution in different acid systems well. The reconstructed
Kabai model represents a case where two linear fits yield better results than one linear fit.
Table 3 summarizes the rate-controlling steps and the parameters of the Kabai model. In
pure oxalic acid, two different linear fits were required for both magnetite and hematite,
where dissolution was first controlled with the rate of the chemical reaction, after which
the dissolution changed to become diffusion-controlled. Most likely, the chemical reaction
is the formation of ferrous ions in the solution and the formation of the solid product layer.
Once a sufficient number of ferrous ions was formed, the dissolution was shifted to the
diffusion-controlled dissolution, where oxalic acid diffused through the solid product layer
formed during the reaction. For example, Martínez-Luévanos et al. [48] found out that the
dissolution of kaolin was diffusion-controlled. Lee et al. [21] dissolved hematite in oxalic
acid and found also that the dissolution was diffusion-controlled and that a solid product
phase, FeC2O4, was formed in the system containing 0.21 M oxalic acid.

Again, as Salmimies et al. [13] showed, the solid specific constant a varied depending
on the acid system, which is argued to describe the changes in the dissolution mechanism.
After several contradictory findings against Kabai [36], it can be stated that a is not a
solid specific constant; however, it can describe the point when one dissolution mecha-
nism changes to another. No other model summarized by Cornell and Schwertmann [5]
could be adequately fitted with the data. Kabai [36] did not use oxalic acid in the exper-
iments and did not account for the possibility of a solid product forming. For example,
Salmimies et al. [14] observed humboldtine formation when dissolving magnetite in ox-
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alic acid, and Vehmaanperä et al. [22] observed humboldtine formation when dissolving
hematite in oxalic acid.

Table 3. Parameters of the Kabai model for different acid ratios. I represents the first linear fit,
whereas II represents the second linear fit. The experiments were carried out at 35 ◦C.

Magnetite

Ox/HNO3 Part Controlling Step a, - k, s−1 R2, -

100/0 I Chemical reaction 6.055 8.66·10−4 1.00
II Diffusion 0.478 3.03·10−3 0.97

70/30 I Chemical reaction 1.514 1.57·10−4 0.97
II Diffusion 0.281 5.85·10−4 0.99

50/50 - Diffusion 0.919 1.66·10−5 0.99
30/70 - Diffusion 0.947 1.14·10−5 1.00
0/100 - Diffusion 0.947 7.02·10−7 1.00

Hematite

Ox/HNO3 Part Controlling Step a, - k, s−1 R2, -

100/0 I Chemical reaction 1.194 1.28·10−5 0.98
II Diffusion 0.593 9.94·10−6 0.99

70/30 - Diffusion 0.964 1.90·10−6 1.00
50/50 - Diffusion 0.999 1.71·10−6 0.99
30/70 - Diffusion 0.865 1.24·10−6 0.98
0/100 - Chemical reaction 1.105 3.22·10−7 1.00

As it was observed during the thermodynamic experiments, the dissolution rate of
magnetite was faster than the dissolution rate of hematite. This finding can again be
explained with the nature of the two solids. Magnetite contains both Fe(II) and Fe(III) ions
on the solid surface. The Fe(II)-O bond is kinetically less stable than the Fe(III)-O bond
because of the differences in the ionic radius of the iron atom. The ionic radius of Fe(II) is
0.74 Å, meaning that the Fe(II)-O bond is longer and therefore weaker than the Fe(III)-O
bond (the ionic radius of Fe(III) is 0.64 Å) [49]. Hematite contains only shorter and more
stable Fe(III)-O bonds. The dissolution of magnetite and hematite requires the breaking
of the Fe-O bonds, indicating the faster dissolution of the oxides containing weaker Fe-O
bonds. Moreover, magnetite contains Fe2+ ions, which, when liberated into the solution,
accelerate the rate of dissolution. Additionally, Sidhu et al. [48] observed that magnetite
dissolved faster than hematite in hydrochloric acid.

4.5. Solid Phase after Dissolution

The residual solids were analyzed using XRD patterns shown in Figure 7 with SEM
figures and SEM-EDS data. Figure 8 shows SEM figures for magnetite and Figure 9 shows
SEM figures for hematite. XRD patterns and SEM-EDS analysis were in good agreement
with pure magnetite and hematite, except in the pure oxalic acid systems where the
yellowish-colored solid phase was identified to be iron oxalate dihydrate, known also
as humboldtine.

The SEM images showed a clear difference compared with the original solid powder
only in the case of pure oxalic acid, where relatively large regularly shaped crystals can be
seen. The shape of crystals was different in magnetite and hematite origins even though
the XRD data showed humboldtine for both cases. Different crystal shapes indicate that
different solid origin resulted in different crystallography of humboldtine. For example,
Zhang et al. [50] showed that humboldtine can crystallize in different forms, such as α-
FeC2O4, β-FeC2O4, or phase transformation of α@β-FeC2O4. The α-FeC2O4 forms were
polygonal prism-shaped, the β-FeC2O4 forms were sub-micrometer-sized lamellar plates,
and α@β-FeC2O4 had mixed shapes. In addition, it seemed that the small particles were
attached onto the surface of the large crystals. These small crystals might be from the
original solid powder, since the shape and size of the original sample solids were similar
to these small particles after the dissolution in oxalic acid. The SEM images for all other
systems showed the same phenomenon: the solids seem to form very large aggregates.
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Based on the SEM figures, a specific direction of dissolution cannot be confirmed. The
previous paper [22] showed that DFT calculations would help to deepen the understanding
of the dissolution direction and the steps leading to the solid formation, but those are not in
the scope of this paper. The solids formation, however, influenced the observed equilibrium
solubilities of iron (in Sections 4.1 and 4.4).
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The kinetic data, the SEM images, and the XRD patterns for pure oxalic acid strongly
supported solid product formation, which justifies the existence of a solid formation step
(Equation (15)) in the reaction scheme. The pH of the solution was below 1 during all
the dissolution experiments, which indicated that the species in the solution should be
undissociated oxalic acid and HC2O4

− [20]. The DFT calculations in the previous study [22]
and the IC measurements in this paper showed that there were oxalate ions in the solution;
therefore, the reaction shown in Equation (15) can take place. The pH was measured from
the bulk slurry, so the pH at the solid–liquid interface might be higher than 1 and favor the
formation of oxalate ions in the solution. To investigate the humboldtine formation kinetics,
a separate set of experiments focusing only on the solid humboldtine phase combined with
DFT calculations should be carried out.

5. Conclusions

The dissolution of magnetite and hematite in mixtures of oxalic and nitric acid was
studied to address both reaction mechanisms and kinetics. The thermodynamic studies
were carried out at 15 ◦C, 35 ◦C, and 50 ◦C, whereas the kinetic experiments were carried
out only at 35 ◦C.

The results show that oxalic acid as part of the overall acid system has a profound
effect on the kinetics; however, increasing the quantity of acid in the system does not
automatically result in higher solubility. The nitric acid concentration plays a significant
role in the dissolution process, whereas the quantity of oxalic acid only has a minor effect.
The increase in temperature from 35 ◦C to 50 ◦C did not automatically result in higher
solubilities; however, lower temperature leads to lower energy demand and consequent
operational costs. The effect of operational parameters on the solubility of iron can also be
described with the special cubic models, which is an advantage in the design of subsequent
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experiments. The experimental models make it easier for practitioners to find optimal
parameters without laborious and long-lasting dissolution test series. The modeling results
also show that the reactions are much more complex for acid mixtures than for individual
acid systems. In addition, the results show that the oxalate and nitrate concentrations do
not provide information about the dissolution mechanism itself. However, pH might be
a useful enough tool to monitor the extent of a reaction, even though it does not provide
direct information about the dissolution mechanism.

In pure oxalic acid, the formation of a solid product, Fe(II)C2O4·2H2O, inhibited the
dissolution of both magnetite and hematite. However, the inhibiting effect was overcome
by adding nitric acid into oxalic acid, because the formation of a solid product does not
take place in systems containing nitric acid. These findings are important for practitioners
as it shows how them to avoid unwanted solid formation, which is a potential drawback in
an industrial process. On the other hand, humboldtine itself can be an interesting material
as it can be used as an anode material in battery production.

With a closer look at dissolution mechanisms, the dissolution of magnetite and
hematite in nitric acid proceeds via slow protonation, whereas complex formation and
reductive dissolution are the main operative mechanisms in the systems containing oxalic
acid. In pure oxalic acid, the solid product formation should also be added to the reaction
scheme. In addition, this study shows that the constant, a, of the Kabai model describes
the rate-controlling step of dissolution and the point where the dissolution mechanism
changes from one mechanism to another. The original study of Kabai does not consider the
possibility of solid product formation, which is shown to be the case in our study.
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