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Abstract

Ferric iron precipitation is an important integral step of the hydrometallurgical
processes. The precipitation product is often amorphous and leads to a significant amount
of valuable metal loss to the residue along with residue disposal issues.
Characterization of the leach residue samples from CESL and Vale medium
temperature (150 °C) hydrometallurgical processes revealed that the precipitation of iron
in the form of amorphous iron oxide phases results in approximately 2-4 times higher
metal loss compared to the crystalline phases.
To address the issue, simulated process solutions were used to study the effect of
process parameters and their relative importance on batch precipitation conditions with
the aim of obtaining a stable iron oxide phase i.e. hematite, while minimising associated
metal loss to the precipitation product. It was found that the factors: initial ferric, H2SO4
and seed concentrations play an important role in the iron precipitation step.
Mathematical models were developed for the iron precipitation and metal loss to the
precipitates using statistical data analysis techniques.
Results from this study show that the presence of low ferric or high acid
concentrations and moderate amounts of seed are required to minimize metal loss to the
precipitation product with moderate to high levels of iron precipitation. The
supersaturation and the nucleation to growth ratios were found to determine the final
product quality i.e. the particle size and associated metal loss.
ii

The presence of various anions or cations was also found to play an important role
on the iron precipitation rate and product quality/nature. For example, the presence of
chloride in the solution accelerated precipitation kinetics. The sulphate salts of the metals
such as Mg and Cu increased the extent of precipitation, while aluminum sulphate
decreased the extent of precipitation. Presence of the sodium ion in the system
accelerated the precipitation kinetics but changed the nature of the product to sodium
jarosite. The presence of low levels of arsenic (As:Fe ≤ 0.08) in the system were found to
severely retard the precipitation rate. Adsorption of sulphate and incorporation of OH‒ into
the hematite structure were responsible to produce a poorly crystalline hematite product.
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Chapter 1. Introduction and thesis organisation

Sulphide minerals are commonly processed by smelting and hydrometallurgical
methods (Berezowsky and Trytten, 2002). However, the more recent commercial
implementation of hydrometallurgical processes (such as Vale’s medium temperature Nisulphide leaching plant in Newfoundland) (Kerfoot et al., 2002) has contributed to the
renewed

interest

in

hydrometallurgical

processing

of

the

ore

concentrates.

Hydrometallurgical processes may have an advantage for the treatment of low grades of
complex ores containing high impurities as compared to conventional smelting. Dreisinger
(2004, 2006) has discussed the developments in hydrometallurgical processing of copper
concentrates while Baba et al. (2012) have reviewed the options for treating chalcopyrite,
one of the most common copper sulphide minerals. The extent of copper recovery and
residue stability contribute to the overall success of the process.
Hydrometallurgical leaching of sulphide ores is commonly carried out in oxidative
sulphuric acid solutions. Iron is ubiquitous in the ores, whose leaching leads to the
dissolution of Fe(II). Fe(II) can be oxidised to Fe(III), which either remains in the solution or
precipitates. The precipitation of Fe(III) as an oxide or hydroxide occurs by thermal ageing of
the solution under the process operating conditions such as temperature and pH. Fe(III)
precipitation is an important integral step of the process. The first stage of the precipitation
is the formation of amorphous precipitates which then transform to more stable crystalline
phases (Dutrizac, 1980; Demopoulos, 2009).
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Cominco Engineering services limited (CESL) and Vale Ltd. are operating medium
temperature (150 °C) leach processes for the processing of sulphide concentrates at the
pilot and commercial scales, respectively. Typical copper and/or nickel recoveries from
these processes are in the range of 96-99 % (Defreyne et al., 2006). The source of metal loss
to the residue is not clear. n certain cases 2 % unreacted metal sulphides are reported in
the residue (Defreyne et al., 2006). Copper and nickel associated with the iron precipitation
product can also serve a source of metal loss to the residue. In this thesis focus will be on
the iron precipitation and associated metal loss in a typical CESL process (which is a medium
temperature hydrometallurgical process for the leaching of chalcopyrite).
It is preferred that iron from the leaching of sulphide ores be precipitated in the
form of hematite because of its superior filtration and washing characteristics, its
environmental stability and because it typically does not adsorb (see section 2.3.3 of thesis)
as much of the valuable metals (Cu and/or Ni) that these processes are trying to recover
(Piret and Melin, 1993). However, in actual practice pure hematite is not produced, rather
the residue is a mixture of hematite, goethite, jarosite and other iron oxides/oxyhydroxides.
Some of the iron-based solid residues are amorphous/poorly crystalline (such as
ferrihydrite: see section 2.5). Amorphous/poorly crystalline iron oxides/oxyhydroxides
result in higher valuable metal loss to the residue compared with their counterpart
crystalline phases (Sahu and Asselin, 2011). Besides, they pose an environmental threat as
their transformation to a more stable phase releases acid and adsorbed metals resulting in
contamination of the surrounding environment.
2

With population increase and industrial advancement, the demand for base metals
has increased. According to a survey conducted by industry consulting services group
“Brook Hunt” (a Wood Mackenzie Company) (Brook Hunt survey, 2011), global refined
copper demand is forecast to increase on average at a compound rate of 3.4 % from 2010
to 2025. The increasing worldwide demand for copper and nickel and the depletion of high
grade ores necessitates that the loss of the valuable metals to the residue be kept to a
minimum. This can also serve as an economic incentive to the operators to maximize %
metal recovery from the leaching processes. Secondly, stringent environment regulations
demand the iron to be deported in the form of a stable phase to the residue. Hematite is
thermodynamically more stable iron oxide phase (Dutrizac, 1987) and its stability would
help to ensure that any of the co-precipitated impurities did not leach from the residue
impoundment area. In addition, hematite has a commercial value as it can be used in the
cement, pigment, steel and ceramic industries, if impurity levels are reduced to a minimum
(Dutrizac, 1987). Since hematite processes encounter higher capital cost because of the
requirement of high temperature and oxygen consumption; shorter retention times can
partially balance the capital cost. CESL and Vale aim to produce a better quality iron residue
under shorter retention times.
The aim of this work is to identify the factors leading to higher valuable metal loss to
the leach residues, produced under medium temperature conditions, and then to use
simulated solutions to predict key variables to reduce the valuable metal (copper) loss to
the residue under CESL pressure oxidation conditions.
3

Subsequent chapters in the thesis are organised as follows: Chapter 2 provides the
literature review which includes: an overview of the treatment practices for metallurgical
ores, iron removal options as practiced in the hydrometallurgical industry, CESL and Vale
hydrometallurgical processes, the precipitation and transformation of metastable iron oxide
phases, the chemistry of hematite precipitation and nucleation theory of crystallization.
Chapter 3 summarises the objectives of this study. Chapter 4 provides the results of
the characterization of three residue samples from the CESL and Vale demonstration and
pilot plant medium temperature hydrometallurgical processes. A correlation between iron
precipitation and associated Cu/Ni loss to the residue is established, in this chapter, with
the help of different characterization and chemical extraction techniques. Poorly crystalline
phases normally constitute a large proportion of the iron bearing residues. This often leads
to difficulties in identification and quantification using routine XRD analysis. A combination
of several techniques such as: sequential extraction, quantitative x-ray powder diffraction
(QXRPD), scanning electron microscopy (SEM) and Mӧssbauer spectroscopy were used for
the true quantification of these phases. Chapter 5 further extends the characterization and
explains thermal behaviour as well as the Raman and Fourier transform infrared (FTIR)
spectroscopic results.
Chapter 6 provides an investigation of the hematite precipitation and copper loss to
the precipitates in simulated process solutions under typical CESL conditions. The effect of
key process parameters such as: ferric concentration, acid levels, seed concentration,
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retention time, copper, chloride concentrations and temperature are studied using one
variable at a time approach in this chapter.
The important parameters and their ranges identified through the one-variable
approach in Chapter 6 were further studied using statistical analysis and modelling in
Chapter 7. The importance of each variable was studied against two response variables i.e.
% Fe precipitation as hematite and % Cu loss to the precipitates. Mathematical models were
developed for the two response variables by fitting the data to quadratic models.
Chapter 8 describes the effect of different factors on precipitation kinetics. The
effect of commonly encountered impurities such as: arsenic, aluminum, sodium and
magnesium on iron precipitation and kinetics is provided in this chapter. Finally, Chapter 9
provides a summary of the findings from this work and gives a brief summary of the future
work required to extend the outcomes of the current findings.
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Chapter 2. Literature review

Iron is the second most abundant element in the earth and fourth most abundant
element in the earth’s crust. t is a common constituent in the ores and concentrates of
many valuable metals such as copper, nickel, zinc, cobalt, aluminum and titanium. It is
present in the structures of common sulphide minerals such as chalcopyrite (CuFeS2),
pentlandite {(Fe, Ni)9S8} and marmatite {(Fe, Zn)S} as well as in the form of iron containing
gangue minerals associated with the ores such as: pyrite (FeS2) and pyrrhotite (Fe1-xS) (Chen
and Cabri, 1986).
Chalcopyrite (CuFeS2) is the most abundant copper bearing mineral consisting of
approximately 70 % of known copper reserves (Thomas, 2009). It is usually associated with
many other minerals in the natural environment such as: pyrite (FeS2), pyrrhotite (Fe7S8),
chalcocite (Cu2S), bornite (Cu5FeS), galena (PbS), siderite (FeCO3), sphalerite (ZnS) and
calcite (CaCO3). Chalcopyrite often contains trace amount of contaminants such as: Mn, Zn,
Ni, Co, Sb which partially substitute copper and iron in its structure. Some finely intergrown minerals of Au, Ag, Al, Pt, V, Cr and In may also be found inside host chalcopyrite
(Hershel, 2011). Chalcopyrite is not only the most abundant of the copper sulphide minerals
but also one of the most difficult to leach because of its refractory nature and stable
structure (face centred tetragonal). Leaching of chalcopyrite successively enriches the
mineral in terms of copper i.e. it goes through a transition from chalcopyrite (CuFeS2) to
chalcocite (Cu2S) and covellite (CuS) (Brantley, 2003).
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Copper metal production from chalcopyrite is carried out mainly by using two
methods i.e. conventional pyrometallurgical and recent hydrometallurgical techniques.
Baba et al. (2012) have reviewed the various techniques for the processing of chalcopyrite.
Conventional pyrometallurgical techniques consist of crushing, grinding, flotation, smelting,
converting and refining/electro-refining. The by product from Cu smelting and converting
furnaces i.e. slag contains significant amounts of unrecovered copper (1-2 % Cu in smelting
slag and 4-8 % in converting slag, before recycling to smelter; the percentages further
increase as the matte grade increases) (Davenport et al., 2002). The presence of large
amounts of copper in the slag necessitates a slag cleaning step. Several options: such as the
use of slag cleaning electric furnaces and slow cooling of slag followed by crushing/grinding
and flotation are used to recover copper from the slag. The tailings from slag cleaning step
still contain about 0.4 to 1.0 % Cu which is lost when slag is discarded. Das et al. (1987) used
leaching techniques to recover copper from the slag tailings. Although their leaching was
successful, yet its success on an industrial scale is a question mark.
Hydrometallurgical methods consist of crushing, leaching (pressure oxidation,
atmospheric leaching), solvent extraction and electrowinning. Dreisinger (2004, 2006) has
given a detailed discussion about the hydrometallurgical processes for copper concentrates.
In the past, commercial success of copper hydrometallurgical processes was restricted to
Mt. Gordon’s pressure oxidation/ferric leaching (Dreisinger et al., 2002) and Oxiana’s Sepon
process (Baxter et al., 2004), both for secondary copper sulphides. However, in recent years
hydrometallurgical processing of chalcopyrite concentrates has become a reality. For
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example, chalcopyrite was successfully leached at Morenci (Arizona, USA) under conditions
similar to those discussed in this thesis (though without the addition of chloride) (Marsden,
et al., 2007a). The CESL and Vale hydrometallurgical processes have received wide attention
because of their unique chloride assisted technology and high metal recoveries. CESL
targets to make the process more efficient by maximizing copper recovery from
chalcopyrite ore concentrates. A brief description of the hydrometallurgical processes in
general and CESL medium temperature hydrometallurgical process, in particular, is given
below.

2.1 Hydrometallurgical processes

The hydrometallurgical processes that have been developed so far can be classified
into low, medium and high temperature categories (McDonald and Muir, 2007a, 2007b).
Low temperature processes require ultrafine (5-15 µm) grinding to enhance leaching
kinetics, the use of halides to overcome passivation of the mineral or require the addition of
catalysts such as silver or silver-bearing pyrite (cf. Galvanox; Nazari, et al., 2011). Medium
temperature processes employ fine grinding, comparatively higher temperatures, 140-150
°C, and the addition of specific reagents for sulfur dispersion (lignosulphonate or
orthophenylinediamine). Medium temperature processes also result in moderate to high
conversions of sulphides to elemental sulphur and generate comparatively stable leach
residues. The generation of elemental sulfur may, however, represent an environmental
8

liability if it is not separated from the process residues. High temperature processes are
usually operated at temperatures 200 – 230 °C. At higher temperatures leaching kinetics are
enhanced but the entire sulphide charge is converted to sulphate, which leads to higher
oxygen consumption and higher acid levels (which incorporates a neutralization step) in the
output liquid stream (McDonald and Muir, 2007a, 2007b).
The focus of this thesis is on medium temperature leaching. During medium
temperature processes, sulphide minerals are oxidized to convert the valuable metals into
their acid soluble forms. Equations (2.1) and (2.2) describe the reactions involved during the
pressure oxidation of chalcopyrite and pentlandite at 150 °C, respectively. The primary
objective of the pressure oxidation is to get maximum metal extraction with minimum
sulphur oxidation (Jones et al., 2009).
(2.1)
(2.2)
Chalcopyrite and pentlandite concentrates usually contain significant amounts of
pyrrhotite and pyrite as these phases are difficult to separate from the primary ores.
Pyrrhotite, if present, is oxidized almost quantitatively to hematite and elemental sulphur,
without any sulphate formation. The oxidation of pyrrhotite is shown in Equation (2.3), it is
a comparatively fast reaction (for simplicity, the Fe:S in pyrrhotite is considered to be 1)
(Jones et al., 2009)
(2.3)
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If pyrite is also present in the concentrates, it will result in more sulphur oxidation to
sulphuric acid, Equation (2.4). This will have a negative impact on the economics of the
process as the excess acid incorporates neutralization costs (Jones et al., 2009; Defreyne et
al., 2006).
(2.4)
In addition to sulphide minerals, a certain amount of elemental sulphur is also
oxidized to sulphate which further increases the acid levels, for example in the CESL process
about 5 – 10 % of the elemental sulphur was found to oxidize during the pressure oxidation
step according to the reaction shown in Equation (2.5).
(2.5)
The adoption of hydrometallurgical processes is favoured when they are located
near a mine site and a source of process water and when acid can be used as a by product
for heap bioleaching or leaching of oxide ores or for the conversion of an existing plant from
the treatment of oxide ores to sulphide ores (McDonald and Muir, 2007a, 2007b).
Advantages of the hydrometallurgical processes include: reduced consumption of
neutralizing agent (as sulphur is rejected mostly in the form of elemental sulphur rather
than sulphate), potentially lower capital costs, the possibility of treating complex ores and
arguably easier waste control with attendant benefits to the environment (Cordoba et al.,
2008).
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2.2 CESL and Vale medium temperature hydrometallurgical processes

Cominco Engineering Services Limited (CESL – now a subsidiary of Teck Corporation)
and Vale Ltd. have developed hydrometallurgical processes for the extraction of copper and
nickel from base metal concentrates. CESL is a medium temperature and pressure (1280
kPa) process that occurs in a mixed sulphate-chloride environment at pH of about 1.5-2.5
with retention time of approximately 60 minutes and temperature of 150 °C. The
temperature selection comes from the properties of sulphur. Sulphur exists in two stable
crystalline forms i.e. monoclinic (stable up to 95.5 °C) and orthorhombic (stable above 95.5
°C). Monoclinic sulphur melts at 112.8 °C and orthorhombic at 119.3 °C. Between 119.3 and
159 °C sulphur is molten and highly fluid. Above 159 °C it becomes highly viscous (due to
breakdown of its S8 ring structure and formation of sulphenyl diradicals i.e. ∙S—S6—S∙ which
attack other S8 rings and initiate polymerization) (Hackl, 1995). Molten sulphur passivates
the chalcopyrite surface and slows down the leaching kinetics. Lignosulfonate or other
surfactants are used to avoid passivation/encapsulation of the chalcopyrite by the molten
sulphur. Above 190 °C the viscosity of sulphur again decreases due to cleavage of S8 rings.
However, higher temperatures result in increased oxidation of sulphur to sulphuric acid
which adversely affects the process economics due to neutralization costs. Figure 2.1 shows
that sulphur oxidation increases with temperatures and at 190 °C only formation of
sulphate ion occurs. The selection of 150 °C temperature therefore results in a compromise
as it achieves reasonably high dissolution kinetics and results in limited sulphur oxidation.
11

Higher temperatures (above 220 °C, for example) result in faster leaching kinetics but
complete sulphur conversion to sulphate.
Shorter retention times ( 60 minutes) were selected for the CESL process as it was
realized during the pilot plant operations that retention times over 60 minutes result in a
minimal increase in the copper extraction, see Figure 2.2. Secondly, longer retention times
resulted in more sulphur oxidation, see Figure 2.3.

Figure 2.1 Effect of temperature on the relative proportion of sulphur oxidized to S° vs SO42−
during chalcopyrite leaching (with modification from Hackl, 1995).
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Figure 2.2 Copper extraction results at varying retention times (Barr et al., 2005).

Figure 2.3 Effect of time on sulphur oxidation under autoclave conditions (Barr et al., 2005).
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The CESL process also utilizes a moderate concentration of chloride (8-12 g/L). It is
thought that during leaching of the sulphide minerals, a passive layer of molten sulphur is
formed around the un-reacted mineral surface, which decelerates the leaching kinetics. The
presence of chloride can break the passive layer or at least can make it porous so that the
leaching solution can reach the mineral surface and enhance the leaching kinetics/process
efficiency (Defreyne et al., 2006; Vignes, 2013). Furthermore, the chloride anion is known to
complex with the cuprous ion, which activates the cupric/cuprous couple. The kinetics of
mineral oxidation with this couple is thought to be increased (Hirato et al., 1987).
Figure 2.4 shows copper extraction results from the CESL test work for different
chloride levels in the solution. Significant improvement in the copper extraction was
observed when chloride levels in the solution were > 9 g/L (Defreyne and Cabral, 2009).

Figure 2.4 Copper extractions at various autoclave chloride levels (Defreyne and Cabral,
2009).
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A schematic of the CESL copper process is shown in Figure 2.5. During pressure
oxidation of the sulphide minerals, some of the copper is leached into the solution and a
portion is converted to basic copper sulphate (antlerite) as shown in Equation (2.6). Basic
copper sulphate is then leached in a second step under mild acidic conditions at ambient
temperature and pressure, see Equation (2.7). Afterwards, copper is recovered by solvent
extraction and electrowinning (Defreyne et al., 2006; Defreyne and Cabral, 2009; Mayhew
et al., 2010).
(2.6)
(2.7)

Figure 2.5 Schematic of CESL copper process (Defreyne et al., 2006).
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CESL started developing its Process in 1992, with the aim of developing a
hydrometallurgical process as an economic alternative to conventional smelting. The
success of the bench scale tests encouraged the design of a pilot plant facility and by 1994
pilot plant was operational. The pilot plant had a capacity of producing 13 tonnes per
annum (tpa) of copper cathode. In 1996; a demonstration plant with a capacity of 730 tpa
copper cathodes was constructed. From 1997 to 2010 the demonstration plant was
operated for copper concentrates of widely varying grades (Barr et al., 2005; Mayhew, et
al., 2013). After extensive testing at bench, pilot, and demonstration scales further
application of the process to Ni, and bulk Cu-Ni concentrates was explored. The success of
the bench and pilot scale test work demonstrated that it can also be effectively applied to
these concentrates (Jones, 1999; Jones et al., 2008).
Vale evaluated several hydrometallurgical processes and, as Inco, patented (Kerfoot
et al., 2002) a variant of the CESL process for its own ore bodies. Now, Vale is in the process
of commissioning a large “medium temperature” leach facility in Newfoundland and
Labrador, Canada. The CESL and Vale processes can efficiently process low grade
concentrates with widely varying Fe:Cu and Fe:Ni ratios (Defreyne et al., 2006: Defreyne
and Cabral, 2009). Typical copper and/or nickel recoveries from medium temperature leach
processes are in the range of 96-99 % (Defreyne et al., 2006).
An example of two concentrates: A and B from CESL test work is given below. Due to
confidentiality, the names of the concentrates are not revealed. Estimated mineralogical
results of the concentrates A and B are compared in Table 2-1. It can be noticed that the
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two concentrates have different pyrite content. The operating parameters that were used
to leach the concentrates in the pressure oxidation step are given Table 2-2.
Table 2-1 Concentrate mineralogy (Barr et al., 2005).
Chalcopyrite Pyrite Bornite Chalcocite Covellite Magnetite Silicates
Concentrate
CuFeS2
FeS2 Cu5FeS4
Cu2S
CuS
Fe3O4
Si
0.5%
11%
A
70%
17%
0.5%
10%
12%
B
73%
0.5%
4%

Table 2-2 Process operating parameters (Barr et al., 2005).
Operating parameters
Concentrate A
Operating temperature
150 °C
Autoclave solids density
16 % (by weight)
Autoclave retention time
75 min
Feed chloride tenor
12 g/L
Oxygen overpressure
1000 kPag
Operating pressure
1380 kPag

Concentrate B
150 °C
18 %
60 min
12 g/L
1000 kPag
1380 kPag

The leach test results are presented in Table 2-3. Overall copper recoveries remained 95.9%
and 95.6% for concentrates A and B, respectively. To investigate low copper recoveries,
samples from the each autoclave compartment were withdrawn to provide a leaching
profile. Analysis of these samples indicated that more than 99 % of the copper, in the form
of copper sulphide, was oxidized by the last compartment for each concentrate type. To
further investigate lower copper recoveries, the effect of concentrate grind size was studied
to determine if a finer size results in an improvement in the % copper extraction. As shown
in Table 2-4, the concentrate grind size did not result in a measurable improvement in the
copper extraction for concentrate A. Therefore, the concentrate grind size was not the
reason for lower copper recoveries. The source of copper loss to the leach residue was not
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clear until Sahu and Asselin (2011) characterized different leach residue samples from the
CESL pilot and demonstration plants.
Table 2-3 Leaching metallurgical results (Barr et al., 2005).
Metallurgical results
Concentrate A
Copper recovery
95.9 %
Copper in the residue
1.2 %
Concentrate to residue mass loss
16 %
O2 ratio, net
0.34
Sulphur oxidation
20 %

Concentrate B
95.6 %
1.5 %
16 %
0.21
7%

Table 2-4 Effect of grind size on copper recovery for concentrate A at 75 min retention
(Barr et al., 2005).
Grind size US mesh
Copper in residue %
Copper extraction %
5 % + 325
1.19
95.8
5 % + 400
1.20
95.8
5 % + 500
1.18
95.9

These authors demonstrated that copper associated with the iron precipitation
product was the major source of copper loss to the residue. It was further noticed that
more copper was lost when the iron deported to the leach residue was in the form of
amorphous/poor crystalline phases such as ferrihydrite. A comparison of copper loss to
ferrihydrite and crystalline phases from their study is provided in Figure 2.6. Figure 2.6
demonstrates that deportment of iron in the form of amorphous phases resulted in 2-4
times more copper loss to the leach residue. This indicates that in certain cases there is an
opportunity to reduce the copper loss to the leach residue by controlling the chemistry of
iron reported to the leach residue.
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From the above discussion it is clear that the control, stabilization and disposal of
iron are important aspects in terms of copper loss to the residue. Secondly, stringent
environmental regulations and gradual depletion of high grade ores necessitates minimum
loss of the valuable metal to the residue. The success of a hydrometallurgical process
depends largely on the extent of copper recovery from the ores and economic and sound
disposal of iron to the leach residue; for both existing operations and developing
technologies. A comparison of the iron removal processes as practiced in the metallurgical
industry over the past decades is given below.
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Figure 2.6 Copper association with ferrihydrite (an amorphous/poorly crystalline phase) and
crystalline phases (Sahu and Asselin, 2011).
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2.3 Iron removal processes

In general, during hydrometallurgical processing of ores, a significant amount of iron
dissolves. Downstream processing requires this iron to be removed before the solutions are
transferred to the electro winning circuits.
The qualitatively desirable features of iron precipitation product are:


Good filtration and washing characteristics



Low cost and compatibility with the remainder of the circuit



Low incorporation of valuable metals



Low surface area and adsorption capacity



Good crystallinity and purity



Good environmental stability



Potential marketability for other industries

A simple way to remove iron from the process solutions is to increase the pH as
shown in Figure 2.7. Figure 2.7 shows that an increase in the pH results in a decrease in
solution ferric concentration i.e. iron is precipitated out of solution. However, the
precipitation of iron is not as simple as it may seem. Under atmospheric pressure
conditions, pH increase or simple neutralization of the ferric ion rich solutions yields iron
precipitates which are difficult to filter and thicken and the precipitates often occlude
significant amounts of the processing solution, resulting in the loss of the sought after
20

metal. Early stage attempts to remove iron from the leach liquors resulted in poorly
crystalline and gelatinous precipitates which were difficult to filter (Tainton and Leyson,
1924).
Over the time three iron removal processes were developed to remove iron in a
more efficient way from the industrial solutions. These include: the jarosite process, the
goethite process and the hematite process (Dutrizac, 1987). These processes have been
used for many years for iron control in the zinc industry and in recent years they have been
applied for the hydrometallurgical circuits such as those recovering copper and nickel. The
consequences of atmospheric condition precipitation can be minimized if iron precipitation
is considered during pressure oxidation step.

Figure 2.7 Relationship between pH and iron concentration in the autoclave discharge
solution (Defreyne et al., 2006).
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Iron removal options have been the subject of many publications (Dutrizac, 1980,
1984, 1987, 2009, 2011; Lahtinen and Svens, 2006; Beaulieu et al., 2006; Cheng and
Demopoulos, 2006). Moreover, four international symposia (1986, 1996, 2006 and 2016) on
iron

control

in

hydrometallurgy

have

been

held

that

reviewed

many

iron

control/precipitation problems and current trends in the industry. A brief overview of iron
removal processes is given below.

2.3.1 Jarosite process

The jarosite process was developed in the early 1960s for the precipitation of iron
from zinc processing solutions. During leaching of zinc sulphide concentrates high
concentrations of iron (15 – 20 g/L Fe(III)) pass into the solution, which must be eliminated
before recovery of the valuable metal from the solution. In the jarosite process iron can be
readily precipitated as filterable jarosite type compounds {MFe 3(SO4)2(OH)6} where M = K+,
Na+, NH4+ etc; Equation (2.8). Temperature is maintained at 95-100 °C, a source of alkali is
added and the pH is regulated to 1.1 – 1.5. Addition of jarosite seed can reduce the
retention time to a few hours. Jarosite precipitates in a crystalline form and entrains only
minor amounts of zinc rich solutions, leaving a final solution containing only 1 – 3 g/L Fe(III).
(2.8)
The jarosite process got wide attention in the zinc industry after its invention as it
readily precipitated iron from concentrated acidic solutions and the product was easy to
22

filter compared to the gelatinous ferric hydroxide. However, jarosite is less inert to
environmental degradation, as it slowly converts to more stable iron oxides and hydroxides
and releases acid that can contaminate tailings pond effluents and water life. Low iron
content, high residue volume, and the ability to incorporate divalent cations such as Pb, Ag,
and Cu. in its structure limit the use of this technology.

2.3.2 Goethite process

The goethite process was also developed in the 1960s by the Vieille-Montagne (V-M)
company. Goethite precipitation requires low initial iron concentration (< 2 g/L Fe (III)). As
most of the processing solutions contain higher iron concentrations (5 – 20 g/L Fe (III)),
therefore to take advantage of the goethite process ferric iron concentration should be
reduced to the desired levels. V-M devised a technique to precipitate iron as goethite in
their zinc process. In this technique ferric iron is reduced to ferrous by the addition of
concentrate, Equation (2.9), and in a second step iron is re-oxidized to precipitate as
goethite at temperature 80 – 90 °C and pH of 2 – 3.5 (Dutrizac, 1987).
(2.9)
The reactions (oxidation, hydrolysis, neutralization of excess acid with calcine)
involved in the goethite precipitation are given below:
(2.10)
(2.11)
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(2.12)
In another process developed by Electrolytic Zinc of Australia, the concentrated
ferric solution is rapidly diluted, instead of reducing to ferrous state, along with addition of
neutralizing agent in a heated precipitation tank so that the ferric concentration remains
low to favour goethite precipitation. This process is also called “paragoethite process”.
Goethite residues have higher iron content compared to jarosite, lower volume and they
are relatively more environmentally stable than jarosite residues (Allan et al., 1973;
Dutrizac, 1987).

2.3.3 Hematite process

The hematite process used at the Akita Zinc company of Japan is the oldest and best
known hematite process operated since 1973. In the Akita hematite process Fe (III) is
reduced to Fe (II) with SO2 or H2S at 95 – 100 °C. The reduction reaction is described in
Equation (2.13) (Cheng and Demopoulos, 2006).
(2.13)
Ferrous iron allows raising pH without iron precipitation and eases solution
purification (removal of other impurities). Afterwards, iron is precipitated as hematite at
180 – 200 °C and 18 atmosphere oxygen pressure for 3 hours of retention, Equations (2.14)
and (2.15).
(2.14)
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(2.15)
Several advantages of the hematite process include: high iron content of the
residue, low volume, good filtration and washing properties, good environmental stability,
low adsorption capacity and potential marketability to the steel, cement and ceramics
industry. However, this technology encounters higher capital costs.
A schematic of the three iron control processes is shown in Figure 2.8. The major
features of the three iron removal processes are summarized in Table 2-5. Figure 2.9
compares the % zinc extraction with each method. Figure 2.9 shows that hematite
precipitation process results in maximum metal extraction.
Because of the several advantages of the hematite process there is growing interest
for the adoption of this technology. Recently several patents have been filed for the
precipitation of hematite under atmospheric (Lahtinen et al., 2007; Aguilar, et al., 2013) and
elevated temperature (Rodriguez and Wedderburn, 2007) conditions. However, the
commercial success of these processes is not well documented.
CESL and Vale hydrometallurgical processes aim to remove iron from pressure
oxidation step in the form of hematite. However, ideal hematite is not always produced in
their processes. Instead iron is precipitated as a mixture of hematite, jarosite, goethite
and/or other iron oxides/oxyhydroxides with varying crystallinity, such as ferrihydrite
(Jambor and Dutrizac, 1998; Claassen et al., 2002; Loan et al., 2002, 2006) and
schwertmannite ( Bigham et al., 1996). The aim of the current work is to maximize the
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proportion of hematite and minimize the valuable metal loss to the iron precipitation
product within the window of CESL and Vale medium temperature operating conditions.

Iron Control
Process

Hematite
Process

Jarosite
Process
Na, K

H2S

Reduction

Goethite
Process

Calcine

Neutralization

Reduction

ZnS

ZnO

Limestone
Neutralization
O2 Gas
Steam

Hematite
Precipitation
pH=2-3
T=180-200 C
P=18 atm O2

Jarosite
Precipitation
pH=1-1.5
T=95-100 C

Neutralization
Air
Oxidation

ZnO

Goethite
Precipitation
pH=1.5-3, T=50-95 C

Figure 2.8 Schematic of various iron removal processes used in zinc industry (Beaulieu et al.,
2006; Dutrizac, 1987).
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Table 2-5 Comparison of the major features of the three main iron precipitation
methods (Lahtinen and Svens, 2006; Onozaki et al., 1986; Dutrizac, 1980; Pelino et al.,
1996).
Process
Hematite
Goethite
Jarosite
MFe3(SO4)2(OH)6
Formula
α-Fe2O3
α-FeOOH
M=Na, K, NH4
Yield %
Cu
98.2
90
90
Zn
98.2
96
96
Residue composition
%
Fe theoretical
69.9
62.9
30-35
Fe actual
50-60
40-45
25-30
Zn
0.5-1
5-10
4-6
S
2-3
2.5-5
10-12
Zn loss t/t
0.002
0.025
0.025
Moisture content %
10
50
50

100
Hematite

% Zn extraction

98

Jarosite

96
94

Goethite
92

Neutral
90

6

10

18
14
Fe2O3 in calcine (%)
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Figure 2.9 The effect of iron content of the calcine or Zn-Ferrite (expressed as Fe2O3) on zinc
extraction for different iron removal processes (Van Niekerk and Begley, 1991).
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2.4 Environmental aspects and residue disposal

Large amounts of iron precipitates are being generated by hydrometallurgical
processes. These may contain various impurities such as: Pb, As, Cd, SO42− etc. The presence
of these impurities requires that the residue must be disposed-off in sealed ponds. These
ponds occupy a large area of land and can be a source of airborne dust. Environmental
legislation being implemented today is increasingly stringent and the use of well managed
and nearby disposal sites are considered to be good options for storage. Polymer linings, in
combination with soil and clay layers, are used in the pond structure to minimize the
possibility of contamination of the soil and surrounding environment (Lahtinen and Svens,
2006).
Several residues produced throughout the history have been characterized as toxic
by environmental legislators. For example, jarosite produced by Canadian Electrolytic Zinc
(CEZinc) in Valleyfield, Canada was characterized as toxic waste by the Quebec ministry of
environment. Similarly the goethite residue from the Vieille-Montagne process was also
found to be leachable by the toxicity characteristics leach procedure (TCLP) (Rosato and
Agnew, 1996). Stringent environmental regulation and storage problems as discussed above
have compelled the hydrometallurgical industry either to fix the residue stability or to
produce “waste free” and stable residues.
In the past, several efforts have been made to improve the stability of the residues.
For example, David and Mathe (1983) decomposed jarosite by 1 hour roasting at 1000 °C
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and subsequently leached the alkali sulphate with water to leave a pigment grade Fe2O3,
Equations (2.16) and (2.17).
(2.16)
(2.17)
Technologies developed at Shell Ltd. have also used roasting to convert jarosite to
hematite but the product still contained As, Pb and SO42−. Martin and Feltz (1984) used low
temperature (560 °C) roasting to produce hematite, but a large quantity of the ferric
sulphate was produced and the hematite produced was also impure. In other attempts,
reductive smelting of the jaroste using DC electric arc furnaces to produce stable iron rich
slag (Hanusch, 1984), and in situ aqueous decomposition of the jarosite or goethite residues
have also been considered. Outokumpu “half – conversion process” is an example of in situ
decomposition. In this process jarosite is mechanically mixed with a ferrite containing
residue, the mixture in then heated in an autoclave to 220 – 250 °C where the jarosite is
converted to hematite and the liberated acid leaches ferrite, Equation (2.18)
(2.18)
Hematite produced in this process contained Pb and sulphate which limited its potential
use. CESL and Vale’s interest also lies in the production of a stable iron residue with
minimum impurity levels.
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2.5 Precipitation of metastable phases

The composition and the physical nature of the iron precipitation product depend
upon kinetic and equilibrium relationship of the precipitation reaction. Temperature and pH
are the two most important parameters which define the nature of the precipitates.
Babacan (1971) studied the nature of different iron phases formed during the hydrolysis of
0.5 M ferric sulphate solution. Figure 2.10 represents the relationship between, pH,
temperature and the main equilibrium phases as determined by Babacan (1971).
Figure 2.10 shows that iron concentration in the solution is directly related to pH i.e.
at lower pH values the equilibrium solubility of Fe (III) is higher and it decreases with an
increase in solution pH. Therefore, at higher pH values excess iron will rapidly precipitate.
This rapid precipitation at higher pH values can provide favourable conditions for the
nucleation of metastable or poorly crystalline phases such as ferrihydrite or
schwertmannite.
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Figure 2.10 Stability regions of various compounds in the Fe-S-O system (Babacan, 1971).

Figure 2.10 does not show ferrihydrite or schwertmannite regions as these are
metastable phases that transform to more stable phases upon ageing. Ferrihydrite is
considered to be the first product of Fe (III) hydrolysis (Murad and Schwertmann, 1980) and
it is believed to be a precursor for stable iron oxide phases. Ferrihydrite is unstable and
transforms to more stable goethite and/or hematite. If the transformation process does not
go to completion, a substantial amount of poorly crystalline or X-ray amorphous phase
(refer to section 4.2 for details) will exist in the residue (Claassen et al., 2002; Loan et al.,
2005).
The name ferrihydrite commonly refers to a range of poorly crystalline iron
oxide/hydroxide phases of which 2-line (exhibiting 2 broad XRD peaks) ferrihydrite and 6line (exhibiting 6 broad XRD peaks) ferrihydrite are most common. It has been represented
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with the general formula 5Fe2O3·9H2O (Murad and Schwertmann, 1980). However,
considerable debate as to its formula remains and no single formula has yet been agreed
upon. A number of other formulae have been suggested e.g. Fe 5HO8·4H2O (Towe and
Bradley, 1967), 2FeOOH·2.6H2O (Russel, 1979). Jambor and Dutrizac (1998) and Janney et
al. (2000a, 2000b, 2001) identified that ferrihydrite is not strictly amorphous but has poor
long-range order and very small crystallite size (2 – 6 nm). Ferrihydrite has high sorbent
capacity due to very high (200-300 m2/g) BET (Brunauer-Emmett-Teller) surface area
(Cornell and Schwertmann, 2003). It has a higher tendency to adsorb divalent cations such
as copper and nickel and therefore increases the loss of these metals to the residue (Cornell
and Giovonali, 1988). In concentrated ferric sulphate solutions, in the pH range 2 – 4, a
similarly structured schwertmannite is a more common phase than ferrihydrite (Bigham et
al., 1994). Schwertmannite is represented by the ideal formula Fe 8O8(OH)6SO4 and is a
complex hydroxy ferric sulphate with poorly crystalline nature. Claassen et al. (2006)
suggested that schwertmannite is nothing but ferrihydrite with high sulphate values.
However, Loan et al. (2002a) stated that schwertmannite can be distinguished from
ferrihydrite at least qualitatively on the basis of its hedgehog morphology. Ferrihydrite and
schwertmannite have been widely discussed in iron control literature. Jambor and Dutrizac
(1998) have provided an excellent review of ferrihydrite while Bigham et al. (1992, 1994 and
1996) have described schwertmannite in detail.
Ferrihydrite has been positively identified in a number of hydrometallurgical
systems. For example, Loan et al. (2006) identified that paragoethite process residue, in zinc
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hydrometallurgy, consists of approximately 40 – 50 % 6-line ferrihydrite with the remaining
fraction being a mixture of poorly crystalline goethite and other iron oxides and
oxyhydroxides. Claassen et al. (2002) studied residues produced in zinc rich processing
solutions and found that approximately 50 % of the iron was associated with ferrihydrite,
schwertmannite and a third unknown phase. Steel et al. (2010) characterized leach residues
from the Vale demonstration plant and found that approximately 10 % of the nickel was
associated with phases leached by hydroxylamine hydrochloride (HaHC). Hydroxylamine
hydrochloride is considered a reagent that selectively dissolves amorphous iron
oxides/oxyhydroxides including ferrihydrite (Chao and Zhou, 1983; Tessier et al., 1979).
Sahu and Asselin (2011) characterized 13 different leach residue samples generated under
CESL conditions and identified the presence of amorphous iron oxide/oxyhydroxide phases
in the residues. These authors demonstrated that the amorphous component was
responsible for

5 times more copper loss to the residue as compared to the crystalline

counterparts. Ferrihydrite was only positively identified in one of the samples, which was
later confirmed to have the largest amount of amorphous phase. Characterization of 3
residue samples, in this study, from CESL and Vale processes also confirmed the presence of
poorly crystalline iron oxide phases and higher associated metal loss. Dyer et al. (2012) also
identified ferrihydrite in their study of the Caron leach residue. Before the identification of
ferrihydrite in the Caron leach process, the cobalt losses were attributed to co-precipitation
of ferric hydroxide or passivation of the iron based alloys that report to the leaching step.
The fact that the existence of ferrihydrite or poorly crystalline iron oxide phases results in
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higher metal loss to the residue indicates that the formation of these phases should be
avoided.

2.6 Transformation of metastable phases

In the hydrometallurgical processes where retention time is short, a higher
proportion of ferrihydrite may exist as the transformation kinetics is slow. Das et al. (2011)
confirmed that only 50 % of ferrihydrite was transformed to hematite and/or goethite after
9 hours at 100 °C and a pH of 2.0. Zic et al. (2011) also observed slow transformation of
ferrihydrite at 160 °C. Transformation of ferrihydrite to crystalline products proceeds via
two competing mechanisms. Hematite nucleates and grows within the solid precursor
(ferrihydrite) by an internal dehydration and rearrangement process. The formation of
goethite involves dissolution of iron from ferrihydrite followed by re-precipitation of the
crystalline oxide in solution (Cornell and Schwertmann, 2003). Which mechanism
predominates depends upon a number of factors such as pH, temperature and solution
chemistry.
From the above discussion it is clear that the formation of ferrihydrite in the
medium temperature processes is quite probable. Precipitation of ferrihydrite leaves a high
amount of X-ray amorphous phase in the residue, making the residue difficult to
characterize. It also causes higher valuable metal loss to the residue and decreases the
percentage of iron precipitated as a stable phase. Therefore, it is important to optimize any
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process parameters that can lead to higher proportions of a stable phase and lower
amounts of ferrihydrite/amorphous phase in the residue.
Leaching of concentrates in a real hydrometallurgical process results in complex
solution chemistry and it is difficult to pinpoint the factors leading to a particular phase in
the residue. Therefore, several authors carried out experiments using simulated solutions to
predict the effect of a particular parameter on the composition of residue phases. Among
these studies, the most pertinent work done recently is by Dutrizac and Chen (2009, 2010
and 2011). These authors studied factors affecting hematite precipitation from nickelsulphate-chloride and pure acidic ferric sulphate solutions by varying the solution
conditions over a broad range. It was concluded that increasing retention time to 5 – 6
hours increased the proportion of hematite in the precipitates. Precipitates made at
temperatures greater than 170 °C exhibited better crystallinity than those at 130 °C.
Addition of hematite seed suppressed jarosite precipitation and promoted hematite
precipitation. Mineralogical studies of the precipitates in their study indicated the presence
of 3 – 4 % SO42− which was thought to be adsorbed onto the individual hematite crystallites.
However, the factors responsible for associated metal loss with a specific precipitation
product were not widely discussed.
Umetsu et al. (1977) studied the hydrolysis of ferric sulphate solutions at elevated
temperatures (185 and 200 °C) for long retention times (up to 30 hours). These authors
found that the rate of hydrolysis decreases with an increase in the initial concentration of
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iron. It was suggested that the hydrolysis of ferric sulphate takes place in one of three ways,
depending upon the acidity of the solution.

1. at low acidity
(2.19)
2. at moderate acidity
(2.20)
(2.21)
(2.22)
3. at high acidity
(2.23)

The equilibrium hydrolysis of ferric sulphate solutions was studied by Sasaki et al.
(1993) in the temperature range 150 to 220 °C. These authors also observed that lower acid
concentrations favour hematite while at higher acid concentration basic ferric sulphate
Fe(OH)SO4 becomes the dominant phase. This is also consistent with the earlier work by
Posnjak and Merwin (1922). Sasaki et al. (1993) also determined the stability region of
hematite in terms of sulphur content of the precipitates and free sulphuric acid
concentration of the solutions in the temperature range 150 to 220 °C. The results of their
study are shown in Figure 2.11. Figure 2.11 shows that at lower acid concentrations
hematite is precipitated, however, beyond a certain acid concentration, sulphur content of
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the product increases rapidly and hydronium jarosite becomes the major product of
precipitation.

Figure 2.11 The stability region of hematite as a function of free acid concentration from
150 to 220 °C (with modification from Sasaki et al., 1993)

Sasaki et al. (1993) determined the minimum acid concentration above which
sulphur content of the product increased and arosite precipita on predominated. The
minimum free acid concentra on was determined to be up to

.4

4.8 and 60-67.5 g/L

free H2SO4 for temperatures 150, 170 and 220 °C, respectively. Above these acid
concentrations the sulphur content of the precipitates increased abruptly and hydronium
jarosite/basic ferric sulphate became the dominant phase. The relationship between
equilibrium ferric and H2SO4 concentration is shown in Figure 2.12. Figure 2.12 shows that
an increase in temperature results in a decrease in the equilibrium ferric levels at a given
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H2SO4 concentration i.e. as the temperature increases to higher values more and more iron
is precipitated.

Figure 2.12 Relationship between equilibrium ferric and H2SO4 concentration at different
temperatures (Sasaki et al., 1993).

Umetsu et al. (1977) and Tozawa and Sasaki (1986) observed that the ferric oxide
stability region is extended by the addition of other soluble sulphate salts e.g. ZnSO4, MgSO4
and CuSO4 . For example, when 70 g/L Zn2+ in the form of zinc sulphate was added to the
ferric solution at 185 °C, precipitation of ferric oxide was favoured instead of Fe(OH)SO4
until a free sulphuric acid concentration of 83 g/L, as compared to 56 g/L H2SO4 in the
absence of zinc sulphate. This stability was further extended to 92 g/L at 100 g/L Zn2+.
Dutrizac and Chen (1993) studied the effect of initial iron concentration on the
precipitation of hematite by conducting experiments at 225 °C for 4 hours. Hematite was
precipitated when the initial ferric concentration was < 0.3 M Fe (III) (16.8 g/L Fe (III)). At
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higher iron concentrations typically > 0.4 M Fe(III) (22.4 g/L Fe(III)) basic iron sulphate
Fe(OH)SO4 was the principal phase. For initial Ferric concentration of 0.4 M, about 60 % of
iron was precipitated in 4 hours in their study. The stoichiometry of the basic ferric sulphate
precipitation reaction, Equation (2.23), suggests the final free acid concentration to
be

11.8 g/L (0.12 M) which is within the stability region of hematite as determined by

Umetsu et al. (1993). At lower acid concentrations one should expect the precipitation of
hematite to occur. The precipitation of basic ferric sulphate instead of hematite was
thought to be a manifestation of Stranski’s rule or Ostwald’s step rule as described by
Demopoulos (2009). According to which, in a system dominated by homogeneous
nucleation, the least stable phase forms first, which upon ageing transforms to a more
stable phase. Hydronium jarosite and basic ferric sulphates are metastable relative to
hematite and transform to hematite at higher temperature and/or longer time, as shown in
Equation (2.24). Therefore, the kinetic stability in spite of thermodynamic instability, of
these phases at higher ferric concentration is quite probable (Cheng and Demopoulos,
2004).
(2.24)
Voigt and Gobler (1986) studied the hydrolysis of ferric sulphate solutions in the
temperature range 100 – 300 °C, with an initial ferric concentration of 1.0 M Fe (III) (56 g/L)
and zero initial free acid. The precipitation product in their study was hydronium jarosite up
to 200 °C, above which basic ferric sulphate was precipitated. The maximum amount of
hematite formed in their experiments was 35 wt. % at 250 °C after 24 hour retention. At
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150 °C only 3 % of initially present iron was precipitated and the precipitation product was
100 % hydronium jarosite. When these authors increased the retention time from 6 to 100
hours, the % iron precipitation increased from 3 to 9 % only and the product was still
hydronium jarosite. Stoichiometric calculations for the final free acid concentration
(Equation (2.20) i.e. 1.46 g/L acid per gram of Fe (III) precipitation) show the final free acid
to be 7.4 g/L (0.08 M). This again shows the formation of hydronium jarosite within the
stability region of hematite at higher ferric levels. Levy and Quemeneur (1964) studied the
hydrolysis of ferric sulphate in the temperature range 25 to 200 °C and obtained equilibrium
after 5 days at 200 °C. These authors found an increase in hematite at the expense of
Fe(OH)SO4 in their experiments for longer retention times. This observation suggests the
precipitation of Fe(OH)SO4 in the first step, which in a second step converts to hematite.
Umetsu et al. (1977) also studied the effect of initial ferric concentration on iron
precipitation in the temperature range 185 to 200 °C for retention times up to 30 hours.
These authors found that after precipitation started there occurred a retardation period
before the precipitation started again and finally achieved the equilibrium. The retardation
period extended to more than 14 hours at 180 °C with an initial ferric concentration of 25
g/L. However, the retardation period was not observed when the initial ferric concentration
of the solution was less than 7.5 g/L. The presence of a retardation period for higher ferric
concentrations also suggests the formation of metastable phases, i.e. Fe(OH)SO4, at first
which go through a dissolution-recrystallization mechanism and finally convert to hematite.
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2.7 Iron oxides/oxyhydroxides formation mechanism

Addition of base to the ferric solutions results in the formation of monomeric and
dinuclear species such as: Fe(OH)2+, Fe(OH)2+ and Fe2(OH)42+. Other higher order polynuclear
species may also exist (Cornell et al. 1989). Higher temperatures accelerate the hydrolysis
process and the existence of poly nuclear species becomes more favourable (Matijevic et
al., 1975). Monomers and dimers combine to form larger polymers by formation of Fe-OHFe (olation) and Fe-O-Fe (oxolation) bridges. The mechanism of formation of polycations as
described by Cornell et al. (1989), Misawa et al. (1974) and Dutrizac (1980, 1987) is
summarized in Figure 2.13. The monomers exist as octahedral complexes
with

the

deprotonated

species

having

the

formulae:

and

etc. The first step in polycation formation, referred to as olation,
involves the development of a dimer bound by double –

. When the polymers grow to

large spheres, oxolation (replacing of OH bridging with O bridging) takes place (Figure 2.13).
The polycations formed by oxobridging are comparatively more stable than the ol-bridging.
The aging process of the polycations is very slow at room temperature and takes years to
complete at neutral to acidic pH (Schwertmann and Murad, 1983). However, elevated
temperature and higher pH promote the transformation. The large oxolated polymers are
of colloidal size and may range in diameter from 1.5 nm to 9 nm (Spiro et al., 1966; Murphy
et al., 1976). The growth of polymer precursors occurs by the addition of monomers as
expressed in reaction (2.25).
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(2.25)
These polymeric species eventually age either to amorphous (such as ferrihydrite) or
crystalline iron oxides/hydroxides. Amorphous iron oxides/hydroxides are unstable and
transform to stable hematite or goethite. Hematite forms within the polycation nuclei by
dehydration and internal rearrangement while transformation to goethite takes place by
dissolution and re-precipitation. Aggregation of ferrihydrite into dense masses promotes
ordering and from this ordered region hematite nucleates. Due to the energy required for
dehydration and rearrangement, hematite precipitation requires high temperature (Fischer
and Schwertmann, 1975; Cornell et al., 1989).
When precipitation occurs from ferric sulphate solutions, the polymers contain a
significant amount of the anion from the solution (Cornell and Schwertmann, 2003).
Margulis et al. (1976) isolated a polymer from the sulphate solution, the polymer had the
following composition:

, this suggests that the sulphate is bound to the

iron in the polymer. Such polymers lead to the formation of schwertmannite instead of
ferrihydrite. Similarly, precipitation from chloride containing environments can also lead to
the incorporation of Cl‒ into the polymer structures resulting in the formation of akaganeite
(β-FeOOH) (Dousma et al., 1978).
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Figure 2.13 Mechanism for the formation of polymers by the linking of dimmers (Dutrizac,
1980, 1987; Cornell et al., 1989; Misawa et al., 1974).
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2.8 Nucleation and crystallization

The process of precipitation involves the creation of supersaturation followed by
nucleation and crystal growth. The supersaturation of a solution may be expressed in terms
of supersaturation ratio or relative supersaturation “S” as follows:
(2.26)
where “a” is the activity of the solute and “a*” is the activity of the pure solute in
equilibrium with the macroscopic crystal.
Nucleation can occur spontaneously or it can be induced artificially. It can be
categorized into primary and secondary nucleation. Primary nucleation can take place
either spontaneously from the supersaturated solution (homogeneous nucleation) or it can
be induced by foreign particles (heterogeneous nucleation). On the other hand, nucleation
on the surface of a solid of the same kind as the new precipitate is often referred to as
secondary nucleation. Secondary nucleation can be further divided into: apparent (small
fragments washed from seed), true (nucleation on the surface of seed) and contact
(induced by walls of the crystallizer or crystal-crystal contact) nucleation. Various nucleation
mechanisms are summarized in Figure 2.14 (Dirksen and Ring, 1991; Mullin, 2000).
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Figure 2.14 Classification of nucleation processes (Dirksen and Ring, 1991; Mullin, 2000;
Demopoulos, 2009).

In a supersaturated solution, solute atoms, molecules or their polymers combine to
form ordered structures or embryos. The overall free energy of these embryos goes through
a maximum (∆G*) at some critical size (r*) corresponding to a critical supersaturation (Scrit.),
see Figure 2.15. The embryos lower their free energy by formation of stable nuclei. The
behavior of a newly created crystalline structure in a supersaturated solution depends on its
size; it can either grow or redissolve to decrease its free energy. The critical size (r *),
therefore, represents the critical size of a stable distinct nucleus. Particles smaller than r*
will dissolve and those larger than r* will continue to grow. Once a critical value of
supersaturation is achieved the nucleation rate suddenly increases and then reaches a
maximum. This critical value of supersaturation is different for each nucleation type and is
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shown in Figure 2.16. An increase in supersaturation results in an increase in the number of
nuclei and a decrease in their size in a homogeneous nucleation.
Figure 2.15 shows that nucleation on the surface of a crystal already present in the
system (heterogeneous nucleation) requires lower activation energy. Once heteronuclei are
consumed heterogeneous nucleation stops, thus limiting the heterogeneous nucleation
rate. Because of the difference in the critical supersaturation level for homogeneous and
heterogeneous nucleation they are not likely to take place at the same time, see Figure 2.16
(Dirksen and Ring, 1991; Mullin, 2000).

Figure 2.15 Plot of free energy versus critical radius for homogeneous and heterogeneous
nucleation (Ragone, 1994).
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Figure 2.16 Generalized nucleation rate diagram describing the characteristic differences
between homogeneous and heterogeneous nucleation as a function of saturation ratio, S
(Dirksen and Ring, 1991).

2.8.1 Secondary nucleation and seeding

Seeding is considered to be the best method of inducing crystallization in a
supersaturated solution. Seed material crystal size is also an important consideration for the
nucleation process as it can influence secondary nucleation. Larger seed particles generate
more secondary nuclei as compared to smaller seeds because of their greater contact
probabilities and collision energies (Dirksen and Ring, 1991). In highly agitated systems, very
small crystals may follow the streamline eddies and may not be very effective in the
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nucleation process. Crystals smaller than 10 µm grow more slowly than the larger crystals.
Some defragmented parts may not grow at all, which can increase the amount of fine
fraction in the final product. Secondary nuclei can originate from different sources. Three
sources: apparent, true and contact, are generally believed to contribute to the generation
of secondary nuclei (Dirksen and Ring, 1991; Mullin, 2000). Apparent secondary nucleation
usually refers to small fragments of crystals washed from the seed surface when it is added
to the solution. True secondary nucleation refers to the surface nucleation of the new
crystals on the seed material. Contact nucleation is the type of secondary nucleation which
induces nucleation in the system by crystal-crystal contact and contact with the walls of the
crystallizer. Collision in a liquid medium can induce different behaviours e.g. fracture at a
point of contact, elastic and plastic deformation due to substantial hydrodynamic forces in
the vicinity of point of contact and defragmentation of a crystal by collision forces (Dirksen
and Ring, 1991). The defragmented part of the crystal contains many dislocation and
mismatch surfaces. In fact, it is nearer to the amorphous glassy condition than to a crystal.
These smaller crystals also grow at a slower rate than the larger crystals, and in some cases
may not grow at all.
However, it should be noted that seed alone is not always enough to improve the
quality or extent of precipitation. Proper initial conditions i.e. low initial saturation (less
than that required for homogeneous nucleation) and extensive recycling of the solids may
prove to be an effective approach for the production of well crystallized precipitates.
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2.8.2 Nucleation of metastable phases

The Ostwald step rule states that during homogeneous nucleation the least stable or
metastable phases nucleate first, which upon ageing transform to more stable phases. The
nucleation rate of a metastable phase can be expressed in terms of the saturation ratio in
the simplified form (Mullin, 2000) as:
(2.27)
where the pre exponential term A* represents the attachment frequency and

is

the interfacial energy required for the formation of a critical nucleus. Metastable phases are
more easily attached than the stable phases, therefore it is expected that the factor A* is
greater for metastable phase than the stable phase i.e. A*met. > A*st. Similarly, less energy is
required for the formation of metastable nuclei than the stable nuclei i.e.
S, and

Since

are inversely proportional to each other, the exponential term in Equation (2.27)

becomes negligible when precipitation occurs at high supersaturation. The nucleation rate
is controlled by the pre-exponential term A*, and formation of the metastable phase is
kinetically favoured in the high supersaturation zone i.e. where homogeneous nucleation
prevails as shown in Figure 2.17 (Dirksen and Ring, 1991; Mullin, 2000).
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Figure 2.17 Crystallization rate of the stable and metastable phases as a function of
saturation, S. In region A only stable phase can form; in region B there is kinetic competition
between the two phases; in region C formation of metastable phase dominates (Nyvlt,
1995).

In systems dominated by homogeneous nucleation, aggregation becomes the major
growth mechanism. Tiny particles generated by the homogeneous nucleation event have
very high surface to volume ratios, therefore surface energy becomes an important term. A
system in non-equilibrium state will tend to lower its energy by forming large particles at
the expense of small particles (also called Ostwald ripening). Certain factors such as:
population density, agitation and particle size can affect the agglomeration growth process.
Higher population densities or agitation favour agglomeration, while larger particles tend to
agglomerate less (Mullin, 2000; Demopoulos, 2009). In a system where supersaturation
control is not possible once the supersaturation exceeds a certain level, homogeneous
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nucleation starts (as described above). With the progress of the reaction, supersaturation
drops and surface nucleation followed by crystal growth occurs.
For saturation values less than the homogeneous saturation, growth dominates and
well grown crystals are expected to be produced. On the other hand, for saturations values
greater than the homogeneous saturation value, nucleation prevails, thus resulting in
production of ultrafine particles. In the region where saturation is much larger than that
required for homogeneous nucleation, growth is not expected even in the presence of seed
Figure 2.18.

Figure 2.18 Separation of precipitation regime on the basis of rate versus supersaturation
relationships (Demopoulos, 1993).
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2.9 Summary

Iron is a major constituent of sulphide concentrates, present either as a structural
component such as in chalcopyrite or in the form of iron sulphides such as pyrite and
pyrrhotite. For efficient recovery of the valuable metals downstream processing of the leach
solutions demands that all iron should be removed before the leach solutions are fed to the
electro

winning

circuits.

CESL

and

Vale

are

operating

medium

temperature

hydrometallurgical processes for sulphide concentrates where iron is simultaneously
leached and precipitated in the pressure oxidation step. Analysis of the CESL pilot and
demonstration plant leach residue samples indicated that rejection of iron to the leach
residue in the form of amorphous iron oxide phases must be avoided because of their
characteristic to retain higher amounts of valuable metals. CESL and Vale aim to precipitate
iron in an eco-friendly form with minimum loss of valuable metal to the iron residue.
Comparison of different iron precipitation processes showed that hematite process has the
potential to offer both of these qualities. The hematite process, as practiced in the past,
required prior reduction of iron, higher temperature and longer retention times. However,
in the CESL and Vale processes there is no need for prior reduction of iron and by carefully
controlling the process parameters iron can be precipitated as hematite under the
prevailing process conditions.
The literature review indicated that precipitation of iron occurs via a metastable
phase i.e. the metastable phase precipitates first, which upon ageing converts to a more
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stable phase. A higher amount of metastable phase in the residue will adversely affect its
characteristics in terms of residue stability and metal intake. This suggests the need to
explore the kinetics aspect of the precipitation and factors that accelerate or decelerate the
precipitation kinetics under the CESL and Vale medium temperature processes.
Finally, nucleation & growth mechanisms and seeding also play an important role in
defining the nature of the precipitate, its particle size and the uptake of impurities. Once
the precipitation product is controlled to give mainly hematite, careful selection of the right
combination of the process parameters can generate a better quality hematite with
minimum valuable metal loss.
It is concluded that there is a need to better understand the effect of various
process parameters on the complex chemistry of iron oxide precipitation and associated
metal loss to the precipitation product, especially for the conditions relevant to CESL and
Vale. The avenues that require further investigation are: characterization of leach residue
samples to confirm whether amorphous iron oxide phases are responsible for higher
associated metal loss to the leach residue as witnessed by characterization of the early
stage test work (Sahu and Asselin, 2011); study of the process variables in a systematic
manner to pinpoint the factors that have a more pronounced effect on iron precipitation
and associated metal loss; examine the kinetics of the precipitation; characterization of the
precipitation product(s); and finally the effect of impurities on iron precipitation behavior
and its kinetics. These identified aspects will help to better understand the CESL and Vale
iron precipitation processes and ultimately will lead to rejection of iron to the leach residue
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with minimum associated metal loss and a stable form of the residue. This in turn will
provide a step towards a more efficient iron rejection process. Secondly, improved
understanding of the general aspects of iron precipitation can also be of benefit to the
general audience of iron control in hydrometallurgy. The various identified aspects are in
accordance with the objectives of this work, as discussed in Chapter 3 and each will be
dealt-with in a separate chapter in this thesis.
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Chapter 3. Objectives

The overall goal of this study is to identify the modes of metal loss to the leach
residue and to find the optimum process conditions leading to a better quality iron
precipitation product with minimum valuable metal loss. This will be achieved through the
following steps.

1. Initially three different leach residue samples from CESL and Vale pilot and
demonstration plant medium temperature hydrometallurgical processes will be
characterized to identify the nature of the iron residue and phases responsible for metal
losses.
2. In the second stage simulated process solutions will be used to identify the major
factors affecting hematite precipitation from ferric sulphate-chloride solutions and
metal loss to the precipitates.
3. The major variables identified will be optimised for conditions leading to maximum iron
precipitation as hematite with minimum metal loss to the precipitation product.
4. In the last stage, the effect of certain variables on the kinetics of iron precipitation will
be studied. The variables will include; acid, seed as well as the most common impurity
elements.
The secondary goals of this study, which are intrinsically related to the primary goals, are to:
5. Investigate the relationship between iron precipitation and metal loss to the
precipitation product from the solution containing only iron, copper and chloride in an
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acidic medium. The variables studied will be: initial ferric concentration, acid
concentration, time, hematite seed, and chloride and copper concentrations.
6. Identify the factors controlling the product yield and the quality of the precipitation
product as well as the crystallinity of the product.
7. Identify the timescale involved in the precipitation of amorphous/poorly crystalline iron
precipitates and their transformation to stable crystalline iron phases under the
conditions relevant to medium temperature leaching.
8. Identify the factors which affect the transformation of amorphous/poorly crystalline
precipitates; initially nucleated during the precipitation process.
9. Study direct precipitation from ferric solutions in the presence of arsenic, aluminum,
magnesium and sodium.
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Chapter 4. Characterization of the CESL and Vale leach residues

CESL and Vale leach residue samples produced during pilot and demonstration scale
medium temperature (150 °C) hydrometallurgical processing of sulphide concentrates were
characterized using different techniques. The residue samples contained amorphous/poorly
crystalline and metastable nano-scale iron oxides/oxyhydroxide phases. These phases
controlled the properties of the residue and contained a relatively high loading of the
valuable (Cu, Ni) metals. Poor agreement between total iron analysis by inductively coupled
plasma optical emission spectroscopy (ICP-OES) and quantitative X-ray powder diffraction
(QXRPD) indicated the presence of amorphous/poorly crystalline iron oxide phases in the
samples. QXRPD coupled with sequential extraction was used for quantification of the
amorphous iron oxide phases and their associated metal loss. Amorphous iron
oxides/oxyhydroxides were found to be a major source of copper and/or nickel loss to the
residue. The distribution of copper and nickel into the amorphous and crystalline iron oxide
phases was determined by a two-stage sequential extraction process. Association of copper
and nickel to the amorphous phases was found to be approximately 2-4 times higher than
with the crystalline iron oxide phases.
This chapter is based on: Javed, T., Abdul, B., Ryan, D., Raudsepp, M., Asselin, E., 2016.
Amorphous iron phases in medium temperature sulphide concentrate leach residues from
pilot and demonstration plants. Intl. J. Mineral processing, 148, 65-71.
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4.1 Experimental

Sulphide concentrate leach residue samples (labeled as S1, S2 and S3) were supplied
from CESL (S1 and S2) and Vale (S3) operations. Mineralogy of the ore concentrates from
which the samples were produced is given in Table 4-1.
Table 4-1 Concentrate mineralogy for samples: S1, S2 and S3.
Phase %
Phase name
Formula
S1
S2
Chalcopyrite
CuFeS2
38
35
Cubanite
CuFe₂S₃
30
Enargite
Cu3AsS4
20
1
Pyrite
FeS2
18
Bornite
Cu5FeS4
7
Covellite
5
CuS
Tennantite
(Cu, Fe)12As4S13
2
Sphalerite
(Zn,Fe)S
2
Pentlandite
(Fe,Ni)9S8
5
Pyrrhotite
Fe1-xS
7
Others
Gangue
8
22

S3
7

63
29
1

The general process conditions under which samples were leached are given in Table
4-2. The leach residues samples received from the CESL and Vale were thoroughly washed
with de-ionized water, sampled using coning and quartering and dried in an oven at 60 °C
for overnight ( 10 hr). Dried samples were lightly ground with the help of a mortar and
pestle and a portion was analyzed by ICP-OES after complete multi acid digestion.
Quantitative X-ray powder diffraction (XRPD) was done on the as received solid
residue samples, except for drying and size reduction necessary for QXRPD analysis. QXRPD
phase analysis was performed using Rietveld method and X-ray powder diffraction data.
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For this purpose, each sample was reduced to fine powder to the optimum grainsize range for X-ray analysis (< 10 μm) by grinding under ethanol in a vibratory McCrone
Micronising Mill for 7 min. Corundum was used as an internal standard for quantification of
the relative amounts of crystalline and amorphous phases present. Amorphous content was
estimated by adding a weighed amount of a spike (corundum; NIST Standard Reference
Material 676a) with known crystallinity (99.02 wt. %). The determination of amorphous
phase in a given sample from Rietveld quantitative analysis is straightforward. Initially, a
mixture with a weighed amount of a suitable standard, with negligible or at least a well
known amorphous content and the investigated material is prepared. Then, the mixture is
analyzed by powder diffraction and Rietveld phase analysis. If the sample has an amorphous
phase, the crystalline phases present in the sample will have a smaller Rietveld refined
weight ratio. Consequently, the standard phase fraction will be overestimated. From
overestimation of the standard, the amorphous content can be determined. It enables the
measurement of the amorphous content with accuracy close to 2 % (De La Torre et al.,
2001). Continuous-scan X-ray powder-diffraction data were collected over a range 3–80 2θ
with CoKα radiation on a Bruker D8 Focus Bragg-Brentano diffractometer. The X-ray
diffractograms were analyzed using the International Centre for Diffraction Database PDF-4
and Search-Match software DiffracPlus Evaluation 19.0.0.0 prior to the Rietveld analysis.
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Table 4-2 Leaching conditions for samples: S1, S2 and S3.
Operating Parameters
Unit
S1
Total pressure
kPa
1300
Temperature
°C
150
Retention Time
Min
91
Autoclave free acid
g/L
10.7
Solids loading
%
10.2
‒
[Cl ]
g/L
11.2

S2
1264
150
58
0.0
23.2
10.4

S3
1030
150
80
10-12
5*
5

*

Concentrate feed slurry is diluted with coolant and anolyte from electro winning before
entering the autoclave

To determine the amounts of amorphous and crystalline iron oxides/ohyhydroxides
in the leach residue samples and the distribution of copper/nickel into these phases, a two
stage sequential extraction was employed. Comparisons between different sequential
extraction methods (Kostka and Luther, 1994; Raiswell et al., 1994; Poulton and Canfield,
2005) have shown that hydroxylamine hydrochloride (HaHC) is the most selective for
dissolution of amorphous iron oxides/oxyhydroxides. The 1st stage extraction used in this
study had been successfully used by many authors (Chao and Zhou, 1983; Chester and
Hughes, 1967; Berger et al., 2008; Sahu and Asselin, 2011). This technique has several
advantages over the conventional oxalate method (Raiswell et al., 1994). The Sequential
extraction scheme is given in Figure 4.1. Amorphous iron oxide phases together with water
soluble phases are recovered in the first stage while crystalline phases are recovered in the
second stage. In the first stage extraction, about 5 g of the leach residue (R) was leached
with 0.25 M HaHC + 0.25 M hydrochloric acid at 50 °C under atmospheric pressure for 30
minutes, keeping the solid to liquid mass ratio at 1:50. The reaction mixture was then
filtered. The filtrate was analyzed for Cu, Fe, Ni, As, Si and Ca. The remaining residue (R 1)
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Figure 4.1 Sequential extraction scheme for the determination of HaHC soluble and
crystalline iron oxide phases.

was dried in an oven at 60 °C, weighed and percent weight loss was calculated. In the
second stage approximately 1.5 g of R1 was leached with 4 M hydrochloric acid at 95 °C and
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atmospheric pressure for 30 minutes keeping the solid to liquid mass ratio 1:40. The
filtrates were analyzed for Cu, Fe, Ni, As, Si and Ca. The remaining residue (R 2) was dried in
an oven at 60 °C, weighed and the percent weight loss was determined. In some of the
experiments where residue R2 was less than a gram, experiments were repeated several
times to make enough sample for characterization.
After necessary correction for the water soluble phases from the weight loss in the
first stage extraction, the amounts of amorphous phases were determined. Weight loss in
the second stage extraction gives the amount of crystalline iron oxide phases. Each sample
was put through the two stage sequential extraction process eight times. In addition, for
every stage, two different solid to liquid ratios were employed to check the reproducibility.
The weight loss was within a standard deviation of ±2 %.
Scanning electron microscopy/energy dispersive X-ray spectroscopy (SEM/EDS) was
carried out by mounting the residue samples onto 26 x 46 mm, 200µm thick glass slides
using epoxy, samples were polished and coated with carbon prior to analysis. The samples
for Mössbauer spectroscopy were prepared by mixing approximately 40 mg of powdered
material with boron nitride powder. The
50mCi
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Fe Mössbauer spectra were obtained with a

Co(Rh) source on a conventional spectrometer operated in constant-acceleration

mode. The spectra were fitted using a conventional nonlinear least-squares minimization
routine to a sum of Lorentzian lines with positions and intensities calculated using a simple
first-order perturbation model.
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4.2 Results and discussion

The mineralogy of the leach residue samples consisted of elemental sulphur and iron
oxide phases along with associated gangue minerals. The chemistry of iron oxide phases
was quite complex, iron oxides were found to exist in different crystalline forms with
variable crystallinity. Considering crystallinity of the iron oxides, iron precipitates were
divided into three regimes (i) Crystalline (ii) Poorly crystalline and (iii) Amorphous iron
oxides. Regime (i) normally contains hematite, goethite and jarosite. Possible phases in
regime (ii) can be hematite and goethite, as both of these phases have been shown to
exhibit variable crystallinity (Machala et al., 2007, Schwertmann et al., 1985, Johnston and
Glasby, 1978), and regime (iii) can contain phases such as ferrihydrite and schwertmannite.
Ferrihydrite although considered amorphous is not strictly amorphous (Jambor and
Dutrizac, 1998; Janney et al., 2000a, 2000b, 2001) and commonly refers to a range of poorly
crystalline iron oxide phases of which 2 line (exhibiting 2 broad XRD peaks) ferrihydrite and
6 line (exhibiting 6 broad XRD peaks) ferrihydrite are more common.
Several studies of the hydrometallurgical residues have identified the presence of
regime (iii) phases (Loan et al., 2006; Steel et al., 2010; Sahu and Asselin, 2011). However,
true quantification of these phases and associated valuable metal loss remained an issue.
Additionally, in all the studies mentioned above, the possible presence of regime (ii) phases
was not addressed.
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Amorphous/poorly crystalline phases do not respond to the X-ray diffraction as
crystalline phases do. Therefore, the presence of regime (ii) and regime (iii) phases, if not
taken into account properly, can result in inaccurate quantification of the crystalline phases
determined by routine XRD. It should be noted that leach residues have heterogeneous
mineralogy and gangue minerals can also contribute to regime (ii) and regime (iii) phases.
This study will focus only on iron oxide phases in regime (ii) and (iii). As regime (ii) and (iii)
both lead to X-ray amorphous content of the residue, these collectively will be called as Xray amorphous phases which, in fact, is the total amorphous content of the residue as
determined by QXRPD. A fraction of this X-ray amorphous content is due to regime (iii) i.e.
the phases responsible for higher valuable metal loss to the residue, and was determined by
hydroxyl amine hydrochloride (HaHC) extraction, therefore it will be called HaHC phase in
the remainder of the document.

4.2.1 Quantitative X-ray powder diffraction (QXRPD)

QXRPD phase analysis of the samples is given in Table 4-3. The X-ray amorphous
content was found to vary between 30.5 and 52.7 wt. % as shown in Table 4-3. Sample S1
exhibiting highest amorphous content did not have any of the crystalline iron oxide phases
except jarosite (13.5 %). In sample S2 and S3 major iron oxide phases are hematite (S2= 20.6
%, S3= 35 %), goethite (S2= 3.5 %, S3= 8 %) and minor amounts of jarosite (S2= 0.6 %, S3= 1
%). When iron was present mostly in the crystalline form (hematite), less total amorphous
64

phase was found to be present. After 1st and 2nd stage extractions the amorphous content
was found to decrease in all the samples, see Table 4-4. The fraction of the amorphous
phase due to the presence of regime (ii) and regime (iii) phases was determined by
sequential extraction scheme and is discussed in next section.
Table 4-3 Comparison of phases in samples: S1, S2 and S3 as determined by routine
XRD and QXRPD. X-ray amorphous content varies from 30.5 to 52.7 % (error ±2 %).
Routine XRD
QXRPD
Phase Name
Ideal Formula
S1
S2
S3
S1
S2
S3
Albite low
NaAlSi3O8
2
4.4
0.9
2.5
Chalcopyrite
CuFeS2
0.3
0.2
3+
Goethite
α-Fe O(OH)
6.3
11.5
3.5
8.0
Gypsum
CaSO4.2H2O
6.8
1.5
3.2
1.0
Hematite
α-Fe2O3
37.1
50.4
20.6
35.0
3+
Jarosite
KFe 3(SO4)2(OH)6
28.6
1.1
1.5
13.5
0.6
1.0
Lizardite 1T
Mg3Si2O5(OH)4
2.8
1.3
Muscovite
KAl2(Si3Al)O10(OH,F)2
8.3
4
3.9
2.2
Pyrite
FeS2
3.3
1.5
Quartz low
SiO2
9
4.2
Sulfur
S8
34.5
34.9
34.8
16.3
19.6
24.2
Talc 1A
Mg3Si4O10(OH)2
3.8
12.1
1.8
6.7
Tennantite
(Cu, Fe)12As4S13
1.1
0.5
Amorphous
52.7
44.5
30.5
Total
100
100
100
100
100
100

4.2.2 Sequential extraction

Chemical analysis of the, as received, solid residue samples showed the presence of
1.1 and 1.4 wt. % copper, in samples S1 and S2, respectively, and approximately 1.0 wt. %
nickel in sample S3. The distribution of copper and nickel into different iron oxide phases
was determined by the two-stage sequential extraction technique shown in Figure 4.1 and
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the results are presented in Table 4-5. Chemical analysis for Cu, Fe, As, Si, Ca and Ni was
carried out on both the 1st stage and 2nd stage filtrates of sequential extraction. Cu/Ni
recovered during 1st stage extraction was attributed to regime (iii) phases i.e. when these
phases are recovered in the 1st stage extraction, Cu/Ni adsorbed onto these phases is also
recovered. The 2nd stage extraction selectively dissolved crystalline iron oxide phases.
Therefore, Cu/Ni recovered during the 2nd stage extraction was associated with regime (i)
and (ii) phases.
All elemental percentages are reported as a percentage of R. For example “10 % Fe”
means that 10 % of R was Fe. Total iron calculated from the two-stage extraction agreed
well with the ICP analysis of solids in all three samples as shown in Table 4-5. The only small
difference between sequential extraction iron content and that obtained by ICP was due to
iron-containing phases that remained un-recovered throughout the two-stage extraction
(i.e. tennantite, pyrite and chalcopyrite).
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Table 4-4 QXRPD analysis of samples: S1, S2 and S3; as received (R) and after 1 st (R1), 2nd (R2) stage extractions. Weight loss
during sequential extraction, X-ray amorphous phase and HaHC amorphous phases are also compared. Weight losses under R 1
and R2 are due to first and second stage extractions, respectively. Results are within 2 wt. % error. R1 and R2 were corrected
for weight loss using Rietveld refinement, see appendix A.
R (wt. %)
R1 (wt. %)
R2 (wt. %)
Phase name
Ideal Formula
S1
S2
S3
S1
S2
S3
S1
S2
S3
Albite low
NaAlSi3O8
0.9
2.5
1.5
1.5
Alunite
KAl3(SO4)2(OH)6
0.2
0.2
Boehmite
AlO(OH)
0.4
0.2
Calcite
CaCO3
0.3
0.9
0.4
0.5
Chalcopyrite
CuFeS2
0.2
0.3
3+
Goethite
α-Fe O(OH)
3.5
8.0
3.4
9.1
Gypsum
CaSO4.2H2O
3.2
1.0
Hematite
α-Fe2O3
20.6
35.0
20.2
34.6
3+
Jarosite
NaFe 3(SO4)2(OH)6
13.5
0.6
1.0
10.2
Lizardite 1T
Mg3Si2O5(OH)4
1.3
0.7
0.3
1.1
Magnetite
Fe3O4
0.3
Muscovite
KAl2(Si3Al)O10(OH,F)2
3.9
2.2
1.0
1.5
Pyrite
FeS2
1.5
1.0
1.1
0.3
0.1
Quartz low
SiO2
4.2
3.4
4.7
0.9
Sulfur
S8
16.3
19.6
24.2
16.2
19.4
23.4
20.7
21.6
22.9
Talc 1A
Mg3Si4O10(OH)2
1.8
6.7
4.6
4.0
Tennantite
(Cu, Fe)12As4S13
0.5
0.5
0.7
X-ray amorphous
52.7
44.5
30.5
28.1
38.6
27.5
24.0
15.4
8.8
*
SX Wt. loss
38.8
12.0
4.6
46.0
54.0
68.0
Total
100
100
100
100
100
100
100
100
100
HaHC amorphous
25.8
7.2
2.2
*
SX = Sequential extraction
67

Table 4-5 Distribution of Fe, Cu, Ni and Ca into 1st and 2nd stage extraction filtrates. ICP
of the dried but otherwise as-received solids is also provided for comparison. All
elemental percentages are reported as a percentage of R.
Sequential Extraction
S1
S2
S3
st
Fe 1 stage extraction (%)
12.1
4.5
1.1
nd
Fe 2 stage extraction (%)
9.7
27.8
38.0
Total Fe (sequential extraction) (%)
21.8
32.3
39.1
Total Fe (ICP of R) (%)
22.6
32.8
40.0
a
b
% Fe recovered by sequential extraction
96.5
98.5
97.5c
Cu 1st stage extraction (%)
0.50
0.38
0.05
Cu 2nd stage extraction (%)
Total Cu (Sequential extraction) (%)

0.23
0.73

0.94
1.32

0.46
0.51

Total Cu (ICP of R) (%)
% Cu recovered by Sequential extraction
Ni 1st stage extraction (%)
Ni 2nd stage extraction (%)
Total Ni (sequential extraction) (%)
Total Ni (ICP of R) (%)
% Ni recovered by sequential extraction
Ca 1st stage extraction (%)

1.1
66a
0.72

1.38
96b
0.03

0.57
89.5c
0.05
0.70
0.75
0.90
83.3d
0.2

Ca 2nd stage extraction (%)
Total Ca (%)

0.061
0.78

0.37
0.40

0.03
0.23

a

S1 contained approximately 0.5 % tennantite (0.24 % Cu, 0.02 % Fe) and approximately 1.5
% pyrite (0.7 % Fe), both of which remained unrecovered in sequential extraction. Phase
percentages are from QXRPD results, Table 4-4.
b
S2 contained approx. 0.9 % unrecovered (after 2nd stage extraction) pyrite (0.4 % Fe)
c
S3 (after 2nd stage extraction) contained approximately 1 % un-recovered chalcopyrite
(0.35 % Cu, 0.31 % Fe) and approximately 0.2 % un-recovered pyrite (0.1 % Fe)
d
In case of sample S3 SEM showed the presence of pentlandite which also remained
unrecovered during sequential extraction.
When percentage ratios of Cu/Fe and Ni/Fe for the 1 st and 2nd stage extractions
were compared it was realized that, in all cases, the ratios were higher for 1 st stage
extraction than for 2nd stage extraction, see Table 4-6.
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Figure 4.2 presents the percentage of copper and iron recovered during 1 st stage
extraction. It is clear from Figure 4.2 that a higher amount of amorphous iron leads to
higher loss of Cu to the residue. Figure 4.3 shows the SEM – EDS elemental mapping of the
amorphous iron oxide phase in sample S1. It can be seen that the distribution of Cu in the
amorphous phase is higher than other regions of the sample.

Figure 4.2 % Fe and Cu dissolved by HaHC extraction for the samples: S1, S2 and S3.

Table 4-6 Comparison of Cu/Fe and Ni/Fe ratios in the 1st and 2nd stage extractions for
S1, S2 and S3.
1st stage
2nd stage
1st stage
2nd stage
Sample
Cu/Fe x100
Cu/Fe x100
Ni/Fe x100
Ni/Fe x100
S1
4.13
2.37
S2
8.44
3.38
S3
5.0
1.33
4.5
1.84
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Figure 4.3 SEM image of the iron oxide phase in sample S1 along with elemental mapping
for Fe, O and Cu.

4.2.3 Comparison of elemental analysis

Total iron content determined from QXRPD and ICP analysis of the residues is
compared in Table 4-7. All elemental percentages are reported as percentage of R as
mentioned above. Only 5.3 % iron in sample S1 was found to be present in the crystalline
form as detected by QXRPD (Table 4-3). If the remaining iron (17.3 %, Table 4-7) in S1 is
present in the form of HaHC soluble phases, then chemical analysis of the 1 st stage filtrates
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should have detected the remaining 17.3 % iron. However, only 12.1 % iron was recovered
during the 1st stage extraction. The 2nd stage extraction recovered 9.7 % iron. All iron oxides
which are not recovered during 1st stage are recovered in the 2nd stage. Jarosite is also
recovered during 2nd stage extraction but other non-oxide iron phases (e.g. pyrite and
tennantite) remain intact. After taking into account the iron from jarosite it was found that
approximately 5 % iron remained unaccounted-for in unknown phases. This unaccountedfor iron was assigned to regime (ii) phases. Similarly about 11.5 % and 9.1 % iron was found
to be associated with regime (ii) phases in S2 and S3, respectively.
Table 4-7 Comparison of total Fe from ICP, QXRPD and 1 st stage extraction for S1, S2
and S3.
Total Fe (wt. %)
Sample No.
QXRPD
ICP
ICP – QXRPD
1st stage
S1
5.3
22.6
17.3
12.1
S2
16.8
32.8
16.0
4.5
S3
29.9
40.0
10.1
1.1

4.2.4 Determination of “Hydroxyl amine hydrochloride (HaHC) soluble
amorphous” phases

Based on the mass loss during 1st stage sequential extraction and the QXRPD analysis
(Table 4-4): the hydroxylamine hydrochloride (HaHC) soluble phases were determined as
follows:
(4.1)
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Where R is total mass of residue, R1 is the mass of the residue left after first stage of
extraction and

is the difference between the weight % of phases in R and R1 calculated

from the QXRPD data in Table 4-4 (The difference was not considered when it was less than
2 wt. %).
The difference between the QXRPD amorphous content of R and R1 and the
amorphous phases calculated from sequential extraction were in good agreement, see
Table 4-4. These values also agreed well with the mass balance of the ICP iron from first
stage filtrates, see Table 4-4. For example for sample S1, the difference between QXRPD
amorphous content of R and R1 was 24.6 wt. % while amorphous phase determined by
sequential extraction was 25.8 wt. %. Similarly, ICP analysis of the first stage sequential
extraction filtrates showed the presence of 12.1 wt. % Fe. The stoichiometry of the iron
compound dissolved during the first stage is not known, if it is supposed that the compound
dissolved is ferrihydrite with the generally accepted formula 5Fe2O3·9H2O, the mass balance
of the iron dissolved in first stage extraction suggests the presence of 20 wt. % ferrihydrite
which is very close to the amorphous content calculated from QXRPD and sequential
extraction.
Amorphous/poorly crystalline iron oxyhydroxides identified in many soils (Taylor,
1959; Schwertmann et al., 1982; Schulze, 1981) and hydrometallurgical residues (Claassen
et al., 2002; Loan et al., 2002, 2006; Steel et al., 2010; Sahu and Asselin, 2011) were found
to be ferrihydrite. However, ferrihydrite was not conclusively identified in this study.
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4.2.5 Mössbauer spectroscopy
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Fe Mössbauer spectroscopy (Gütlich et al., 1978) is a solid-state nuclear-probe

technique that yields information on the chemical and physical environments of iron within
a solid material. Unlike XRD, spectral signals can be obtained from both crystalline and noncrystalline samples.
Mössbauer analysis of the sample which has the highest amount of amorphous
phase i.e. sample S1 presented a broadened, slightly asymmetric doublet with no trace of a
magnetic component (< 1 %). The Mössbauer spectra of the sample S1 and sample S1 after
1st stage extraction are shown in Figure 4.4. Figure 4.4 (S1-R1) shows that leaching by HaHC
leads to a distinctly better defined spectrum for sample S1. The spectral asymmetry and
broad lines of the leached material appear to be consistent with a mineral from the
ferrihydrite/schwertmannite family. However, while the fitted quadrupole splittings of the
two components (1.10(1) mm/s and 0.62(1) mm/s) are certainly within the range seen for
ferrihydrite (Murad, 1988), the area ratios are reversed so that we observe a much larger
average splitting (0.90 mm/s) than is reported for ferrihydrite (0.72 mm/s) or
schwertmannite (0.71 mm/s; Cashion et al., 2012). Cooling to 11 K should provide some
further discrimination. The hyperfine field of sample S1-R1, after cooling to 11 K, was
consistent with, but slightly higher than that reported for both ferrihydrite and
schwertmannite.
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Figure 4.4 Room temperature Mössbauer spectra for sample S1: before (S1) and after
(S1−R1) leaching. The doublet shown at the top is the difference between the two spectra
and reflects the Mössbauer spectrum of the material removed by the HaHC extraction.

4.3 Conclusions

Characterization of the leach residues samples from CESL and Vale pilot and
demonstration scale medium temperature hydrometallurgical processes showed that the
residues contain a significant amount of the X-ray amorphous material that should be taken
into account for true quantification of the phases. X-ray amorphous and HaHC soluble
phases were determined by QXRPD and sequential extraction. Poor agreement between
quantification of total iron from QXRPD and sequential extraction indicated the presence of
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iron in amorphous as well as poorly crystalline iron oxide phases. Chemical analysis of the
sequential extraction filtrates revealed that HaHC soluble phases were the major source of
copper and nickel loss to the residue. HaHC soluble phases contained about 2-4 times more
Cu/Ni compared to the crystalline iron oxide phases. Selection of a copper/nickel
hydrometallurgical process which produces minimum amount of amorphous phase can
reduce the loss of copper/nickel to the residue. The process conditions described for S3 in
Table 4-2 i.e. 1030 kPa total pressure, 80 min retention time, 10-12 g/L acid concentration
with 5 g/L chloride concentration and 5 % solids loading generated comparatively lower
amount of HaHC soluble phases. The HaHC soluble phases were suspected to be ferrihydrite
or a mixture of amorphous iron oxides/oxyhydroxides. However, these were not positively
identified.
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Chapter 5. Thermal behavior of medium temperature leach residues

5.1 Introduction

As a part of the work to characterize the leach residue samples generated under
CESL and Vale conditions, the samples S1, S2 and S3 were further analyzed for their thermal
behavior and spectroscopic studies. Derivative samples were prepared by extracting
gypsum and sulphur from the original samples: S1, S2 and S3, to help understand the modes
of amorphous iron oxide phases in the samples. Thermal behavior of the samples was
studied by using thermal gravimetric analysis (TGA) – differential thermal analysis (DTA) in
the temperature range 30 to 800 °C in both air and nitrogen atmospheres, with XRD
analyses both before and after heating. Thermal transformation temperatures of the iron
oxides/oxyhydroxides in the residue samples varied over a wide range which suggested the
presence of different kinds of iron oxide phases. Spectroscopic analysis was carried out to
further augment the analysis. Given the compositions of the residues, presence of thermal
events in the temperature range 200 °C to 480 °C was attributed to amorphous/poorly
crystalline iron oxide phases.
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5.2 Experimental

Primary samples (CESL, S1 and S2 and Vale, S3) were treated to extract gypsum and
sulphur from the samples. Sulphur extraction was carried out using a Soxhlet extractor. For
sulphur extraction about 10 grams of the samples were taken and placed in cellulose made
cylindrical-shaped thimble inside a Soxhlet extractor. The samples were extracted with a
known amount of toluene for 24 hours. A schematic of the Soxhlet extractor is shown in
Figure 5.1. Gypsum extraction as carried out by washing in water for up to 24 hours.

Figure 5.1 Schematic of the Soxhlet extractor used in this study.
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Thermal gravimetric analysis coupled with differential thermal analysis was carried
out using a Perkin Elmer simultaneous thermal analyzer STA-6000. For this purpose about
25-35 mg of the sample was placed in a ceramic pan. The sample was then heated from 30800 °C with a heating rate of 10 °C/min in both air and nitrogen atmospheres.
Raman spectra were obtained using 632.81 nm radiations from a 17 mW air cooled
laser and the laser beam was focused on the sample by using a lens to give a spot size of
ca.1 µm with a resolution better than 2 cm−1. The laser power was always kept below 0.1
mW at the sample, to avoid sample degradation, except in the laser power dependence
experiments.
Fourier transform infrared spectra were recorded using a Perkin-Elmer FTIR-ATR
(Fourier transform infrared spectrometer-Attenuated total reflection) apparatus in the
range 400-4000 cm-1. Quantitative phase analysis of all the samples was done both before
and after thermal analysis using the same method as described in Chapter 4.

5.3 Results and discussion

5.3.1 Thermal gravimetric/differential thermal analysis (TGA/DTA)

TGA/DTA was carried out on as received samples as well as gypsum and sulphur
extracted samples. After gypsum and sulphur extraction samples are left only with stable
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gangue minerals and iron oxide/oxyhydroxide phases. Attribution of a certain behavior to
iron oxides/oxyhydroxides, under such circumstances, becomes easier.
Elemental analysis of the as received samples S1, S2 and S3 after washing and drying
is provided in Table 5-1, while phase analysis is given in Table 5-2. The dehydroxylation
temperatures of various forms of iron oxides and oxyhydroxides as reported in the
literature are summarized in Table 5-3.
Table 5-1 Elemental analysis of samples: S1, S2 and S3 (wt. %).
Element
S1
S2
S
28.5
27.7
Fe
22.6
32.8
Ca
1.01
0.48
Cu
1.1
1.38
As
6.1
0.34
Si
6.6
9.5
Al
0.83
1.0
Mg
0.02
0.91
K
0.23
0.08
Na
0.22
0.24
Ni
<0.01
0.31
Pb
0.48
0.043
Sb
0.26
0.014
Ti
0.04
0.08

TGA-DTA traces of

S3
31.3
40.0
0.26
0.57
<0.01
0.23
0.07
0.01
0.01
0.26
0.90
0.013
<0.01
<0.01

as received sample S1 are shown in Figure 5.2, a large

exothermic peak between 200-300 °C in the air atmosphere, as shown in Figure 5.2a,
appeared due to sulphur oxidation (Sammut and Welham, 2002), with associated weight
loss of 25%.
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Table 5-2 XRD phase analysis (wt. %) of the as received samples: S1, S2 and S3 before
and after thermal (air atmosphere) analysis, (error ±2 %).
Before Thermal Analysis After Thermal Analysis
Phase Name
Ideal Formula
S1
S2
S3
S1
S2
S3
Akaganeite
Fe3+O(OH,Cl)
0.4
Albite low
NaAlSi3O8
0.9
2.5
3.8
Anhydrite
CaSO4
1.8
Chalcopyrite
CuFeS2
0.2
Goethite
α-Fe3+O(OH)
3.5
8.0
0.2
Gypsum
CaSO4.2H2O
3.2
1.0
0.3
0.4
Hematite
α-Fe2O3
20.6
35.0
27.2
42.2
55.1
Jarosite
MFe3+3(SO4)2(OH)6
13.5
0.6
1.0
Lizardite 1T
Mg3Si2O5(OH)4
1.3
Magnetite
Fe3O4
1.1
4.8
6.1
Muscovite/
KAl2(Si3Al)O10(OH,F)2
3.9
2.2
Biotite
Pyrite
FeS2
1.5
Quartz low
SiO2
4.2
3.0
0.6
Sulfur
S8
16.3
19.6
24.2
Talc 1A
Mg3Si4O10(OH)2
1.8
6.7
Tennantite
(Cu, Fe)12As4S13
0.5
Amorphous
52.7
44.5
30.5
12.0
17.6
5.4
Heating Wt.
54.0
31.0
33.0
loss %
Total
100
100
100
100
100
100

Table 5-3 Transformation/dehydroxylation temperatures for different iron oxides and
oxyhydroxides.
Transformation
Compound
Formula
Reference
temperature
Eggleton and Fitzpatrick (1988),
Ferrihydrite
5Fe2O3.9H2O
150-400 °C
Schwertmann and Cornell (2000)
Goethite
α-FeOOH
285-380 °C
Rizov (2012)
Goni-Elizalde and Garcia Clavel
Akaganeite
β-FeOOH
190-350 °C
(1988b)
Lepidocrocite
-FeOOH
180-200 °C
Schwertmann and Cornell (2000)
Feroxyhite
δ-FeOOH
240-250 °C
Carlson and Schwertmann (1980)
Maghemite
-Fe2O3
325-460 °C
Schwertmann (1987)
Magnetite
Fe3O4
200-450 °C
Schmidt and Vermaas (1955)
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Two small peaks below 1 0 C are due to sulphur mel ng at 120 °C and gypsum
associated water at

-100 C. However sulphur allotrope transforma on can also produce

a shoulder between 84-97 °C (Timmons and Goertz, 1994). After gypsum and sulphur
extraction (Figure 5.2b), a very small exothermic peak centered at 200 °C was due to
remaining traces of sulphur. This peak was followed by a broad endothermic peak
between 220-410 C with associated weight loss of 6 %. In this temperature range
dehydroxylation or dehydration of hydrous ferric oxides takes place which then transform
to a more stable phase i.e. hematite. The dehydration/dehydroxylation is an endothermic
process as it consumes heat and usually occurs with an associate weight loss.
Transformation is an exothermic process because the material releases heat and transforms
to a more stable phase, however, it may go without any change in the sample weight. The
presence of endothermic peak between 220-410 °C followed by a small exothermic
peak 420 °C suggests the presence of some sort of less stable iron oxide phases.
It is believed that hematite is formed by the dehydration and internal
rearrangement mechanism of ferrihydrite or hydrous ferric oxide phases (Cornell and
Giovanoli, 1988) i.e. during Fe (III) hydrolysis ferrihydrite is first formed, which after
dehydration and structural rearrangement transforms to hematite. Therefore, the
endothermic peak between 220-410 °C (dehydration) and the exothermic peak
(transforma on) at 420 °C for sample S1 can be attributed to the presence of ferrihydrite
type phases in the sample. The presence of hematite was confirmed in the post thermal
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XRD analysis, see Table 5-2. Pre thermal XRD analysis did not show the presence of
hematite in the sample.
Any thermal event above 440 C was a ributed to the decomposi on of arosite.
arosite dissociates in two steps producing two endothems star ng at 44

C and 683 °C

due to dehydroxylation and sulphate losses, respectively (Chen et al., 2013). In certain cases
evolved sulphate can sequester as ferric sulphate into the sample which can lead to a
weight gain step as observed in Figure 5.2b (Sammut and Welham, 2002).
hen TGA DTA was carried out under nitrogen atmosphere for sample S1 an
endothermic peak between 220-320 °C (with two small exotherms , centered at 262 and
290 °C) appeared due to sulphur volatilization. In this temperature range dehydroxylation of
iron oxides/oxyhydroxides also takes place (Rizov, 2012). After gypsum and sulphur
extraction (Figure 5.2d), a broad endothermic peak in the temperature range 220-410 °C,
which also contains a small exotherm at 300 °C appeared. This was followed by an
exothermic peak afterwards (420 °C). According to the sample chemical composition,
thermal events in the temperature range 200-480 °C appear due to the presence of poorly
crystalline iron oxide phases. Therefore a small exotherm at 300 °C could appear due to the
formation of an intermediate phase during transformation of poorly crystalline/amorphous
iron oxides to hematite. During ferrihydrite transformation, an intermediate phase,
maghemite has been reported in the literature (Cornell and Schwertmann, 2003).
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Figure 5.2 TGA-DTA traces of sample S1 in air and nitrogen atmospheres: a) as received S1
in air, b) S1 after gypsum and sulphur extraction in air, c) as received S1 in nitrogen, d) S1
after gypsum and sulphur extraction in nitrogen.

Figure 5.3 shows the TGA-DTA traces for S2 wherein the peaks below 150 °C and in
the range 200-300 °C are the same as described earlier for S1. However, after gypsum and
sulphur extraction (Figure 5.3b, d), an endothermic peak was observed in the temperature
range 190-240 °C (in both air and nitrogen atmospheres). Considering the chemical
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composition of S2, this endothermic peak (190-240 °C) can be attributed to the presence of
amorphous/poorly crystalline ferric oxide phases. Dehydration of such phases can produce
endotherms in this region (Table 5-3). After gypsum and sulphur extractions, there is no
compound, other than iron oxides/oxyhydroxides, left in the sample that can produce a
peak in this temperature range (cf. Table 5-2, XRD S2).
Dehydroxyla on of goethite takes place between 365-410 °C. Generally, the
goethite-hematite transformation peak is sharp at 385 °C for highly crystalline goethite,
however for finely grained and poorly crystalline goethite, the dissociation temperature
varies (Rizov, 2012; Swamy et al. 200 ). Therefore the peak between 365-410 °C (Figure
5.3b) was attributed to dehydroxylation of goethite in S2. However, under nitrogen
atmosphere this peak was not clearly distinguishable.
Similarly Figure 5.4 shows TGA-DTA traces of sample S3. After gypsum and sulphur
extraction a small endothermic peak in the temperature range 200-300 °C (Figure 5.4b,d)
indicated the presence of a small amount of amorphous/poorly crystalline ferric oxide
(Walter et al., 2001). Comparison of the three samples (i.e. Figure 5.2b, Figure 5.3b, Figure
5.4b) shows that dehydroxylation ( 200-400 °C) of sample S1 exhibits a broad peak as
compare to S2 and S3. This is consistent with HaHC extraction results in Chapter 4 as this
sample was found to have the highest amount of amorphous iron oxide phase.
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Figure 5.3 TGA-DTA traces of sample S2 in air and nitrogen atmospheres: a) as received S2
in air, b) S2 after gypsum and sulphur extraction in air, c) as received S2 in nitrogen, d) S2
after gypsum and sulphur extraction in nitrogen.
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Figure 5.4 TGA-DTA traces of sample S3 in air and nitrogen atmospheres: a) as received S3
in air, b) S3 after gypsum and sulphur extraction in air, c) as received S3 in nitrogen, d) S3
after gypsum and sulphur extraction in nitrogen.

5.3.2 Raman spectroscopy

Structural information obtained from Raman spectra is related specifically to the
short range bonding environment within the material. It can provide useful information for
the study of poorly crystalline phases. Raman spectroscopy of the leach residue samples
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was carried out with the aim to confirm the presence of different iron oxides and
oxyhydroxides. A major challenge with Raman spectroscopic studies of amorphous or
poorly crystalline iron oxide/oxyhydroxides is the fast transformation of metastable iron
oxide phases under high laser powers. Poorly crystalline iron oxides can also lead to
broadening of Raman bands (Rull et al., 2004) or variation in the relative intensity of bands
(De Faria et al., 1997); however these characteristics do not result in a change in the
position of the band.
Different laser powers were applied to select an optimum power for analysis. Figure
5.5 shows the effect of laser power on sample S1. The full power used was 17 mW and it
was reduced successively down to 25 %, 10 %, 1 % and 0.01 % of the full power. A different
spectrum for 25 % laser power indicates that the laser power was high enough to transform
the labile/poorly crystalline phases. For all the laser powers ≤ 1 % of the full power, the
spectra produced were similar. A laser power of 0.01% was selected to analyze the samples
to avoid the complications induced by the higher laser powers.
Among iron oxides and oxyhydroxides hematite (α-Fe2O3) goethite (α-FeOOH), and
lepidocrocite ( -FeOOH) produce strong Raman scattering, whereas magnetite (Fe3O4) and
maghemite ( -Fe2O3, which has magnetic and superparamagnetic forms) are relatively weak
Raman scatterers. The Raman spectral peaks of hematite can vary in position due to
variation in crystallinity or grain size. Goethite and lepidocrocite both have orthorhombic
symmetry, but have different space groups and produce different Raman spectra. The main
peaks of goethite and lepidocrocite occur at 386 cm−1 and 252 cm−1 respectively. Magnetite
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has its main Raman peak near 667 cm−1, and is distinguishable from other iron oxides of
spinel (or inverse-spinel) structure. The six-line ferrihydrite has three bands 370, 510 and
710 cm−1 that can be distinguished in the spectrum measured at low laser powers (0.1 mW).
In the spectrum of the two-line ferrihydrite, only the strong 710 cm−1 band is distinguishable
(Hanesch, 2009; de Faria et al., 1997).

Figure 5.5 Series of Raman spectra showing effect of laser power on sample S1. The
percentages shown are the percent of 17 mW full power.

Six different peaks (150, 221, 244, 292, 439, 500 cm−1) were observed in the Raman
spectra of the residue samples as shown in Figure 5.6. Considering the sample chemical
composition, peaks below 200 cm−1 were attributed either to sulphur or gypsum
(Krishnamurthy and Soots, 1971). The peaks at 221, 244 and 292 cm−1 were attributed to
the presence of hematite in the samples (Hanesch, 2009; de Faria et al., 1997). The peak at
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439 cm−1 was attributed to jarosite (Frost et al., 2005; Sasaki et al., 1998). The peak at
500 cm−1 was attributed to ferrihydrite type phases; minerals containing Si-O bonding can
also contribute to this peak. The ferrihydrite peak usually appears at 510 cm−1, however, the
peak position can vary with structural order (Hanesch, 2009; de Faria et al. 1

). A er

HaHC extrac on the peak at 510 cm−1 was reduced in intensity in samples S1 and S3, see
Figure 5.6; S1, S1-R1 and S3, S3-R1. This suggests the presence of poorly ordered or
ferrihydrite type phases in these samples. However, the spectra produced by S2 were not
clearly distinguishable due to structural variations and possibly due to interference by the
gangue minerals.

Figure 5.6 Raman spectra of the samples: S1, S2 and S3. Samples: S1-R1, S2-R1 and S3-R1
are the residues left after HaHC extractions of S1, S2 and S3 respectively.
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5.3.3 Fourier transformed infrared spectroscopy.

The infrared spectra obtained for the sulphide leach residue samples S1, S2 and S3
are shown in Figure 5.7 and summarized in Table 5-4. Although there are many species
contributing to the IR bands making it complex to interpret and identify contribution from
the individual species, a good agreement was found to be present between experimental
results and data from the literature. The various peaks observed in all the samples are
labeled in Figure 5.7. In general peaks in the 400-1500 cm−1 region appear due to SO42−
vibrations, 1500-2400 cm−1 due to H2O bending vibrations and 2400-4000 cm−1 due to OH−
stretching vibrations (Powers et al., 1975; Schwertmann and Cornell, 1991; Bigham et al.,
1994).
In this study, the band at approximately 3383 cm−1 is attributed to adsorbed water in
all the samples. In sample S1, the bands at (628, 1005, 1083, 1201, 1621 cm−1) are
attributed to jarosite and were in good agreement with the literature (Baron and almer
1

; owers et. al. 1

). The band at 1420 cm−1 can appear due to Fe-OH bonding,

indicating the presence of iron oxyhydroxide in S1 (Tang and Liu, 2012). The band at 797
cm−1 is attributed to goethite in all the samples. Bands between

435-526 cm−1 are

attributed to hematite.
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Figure 5.7 Infrared spectra of the leach residue samples: S1, S2 and S3.

A series of bands in sample S3 between 894 and 1190 cm−1 were attributed to the
chemisorbed or surface coordinated sulphate on hematite (Cheng and Demopoulos, 2004).
Since sample S1 also contained quartz (4.2 %), therefore contribution to the IR bands
because of quartz was also considered. The bands at 463 cm−1 (Si-O asymmetrical bending
vibrations), 797 cm−1 (Si-O symmetrical stretching vibrations); Al-O-Si (out of phase
deformation) and 1083 cm−1 (Si-O asymmetrical stretching vibrations) in S1 could also be
because of SiO2 (Suresh et al., 2011). Albite and muscovite were also present in sample S1;
these can also contribute to the band at 1005 cm−1. A er HaHC extrac on the band
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at 1420 cm−1 was removed (results were reproducible) as shown in Figure 5.8. However, no
other significant changes were observed in the spectrum after HaHC extraction. Because of
the various species contributing to the IR bands it was difficult to conclusively assign the
bands to a single phase; however, the absence of Fe-OH band after HaHC extraction
indicates the presence of iron oxyhydroxide phases. This further confirms that the HaHC
leached material is an iron oxyhyroxide phase.

Figure 5.8 Infrared spectra of sample S1: before (S1) and after (S1-R1) HaHC extraction.
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Table 5-4 Assignment of FTIR bands in S1, S2 and S3 to different bonds.
Sample
Band Position (cm−1)
Attribution
Source
3383
OH stretching
H2O
vibrations
1621
HOH bending
H2O
vibrations
1420
Fe-OH
Fe oxide/hydroxide
2−
1201, 1083, 1005, 628,
SO4 vibrations
Jarosite
S1
463
1005
OH deformation
Jarosite
463
Fe-O
Hematite
797
Si-O, Al-O-Si, Fe-OH
Quartz, Muscovite, Albite,
Goethite
3215
1627
S2

439,523
797, 894
1008
1083
3136
1627

S3
435, 526
797, 894
974, 1038, 1125, 1190

OH stretching
vibrations
HOH bending
vibrations
Fe-O
Fe-OH
OH deformation
SO42− vibrations
OH stretching
vibrations
HOH bending
vibrations
Fe-O
Fe-OH
Fe-O, Fe-S, SO42−

H2O
H2O
Hematite
Goethite
Jarosite
Jarosite
H2O
H2O
Hematite
Goethite
Hematite, Pyrite, Jarosite

5.4 Conclusions

The thermal transformation behaviour of medium temperature sulphide
concentrate leach residues was studied. All the residue samples contained variable amounts
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of iron oxides/oxyhydroxides which dehydroxylate and transform to hematite over a broad
temperature range. The dehydroxylation of amorphous ferric oxide phases over a range of
temperature suggests the wide variation in the composition of the amorphous phases.
TGA/DTA and Raman spectroscopic analysis gave some indication of the resemblance of
amorphous phase to ferrihydrite type phases in sample S1.
Raman spectroscopic analysis showed that iron oxides/oxyhydroxides present in the
samples are very labile and transform to hematite even at low laser powers. The results
suggest that widely varying structures are obtained during medium temperature leaching.
Thermal transformations of the iron oxides/oxyhydroxides were found to vary over a wide
range of temperature due to lack of purity and crystallinity. The knowledge of thermal
transformation temperatures is useful when residues are evaluated for safe disposal. The
various observations made in this chapter point to study the leaching conditions which can
lead to a better crystalline residue so that iron chemistry can be manipulated to obtain a
stable and eco-friendly residue, with attendant benefits to process efficiency/ metal
recovery.
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Chapter 6. Iron precipitation and copper loss from simulated sulphatechloride solutions at 150 °C – one variable approach

6.1 Introduction

It has been seen in the previous chapters that the precipitation of iron in the form of
crystalline phases minimizes the valuable metal loss to the residue and produces a more
suitable residue for tailings. In this chapter, the effect of controllable process parameters
and their relative importance on precipitation conditions will be presented. The overarching
goal is again to maximize hematite yield while minimising Cu loss to the precipitation
product. The experimental range of each factor was selected to simulate the process
conditions encountered in typical CESL and Vale medium temperature hydrometallurgical
processes. As explained earlier, both of these processes employ a chloride “catalyst” in the
form of soluble chloride salts as this is believed to enhance the leaching kinetics by breaking
the passive sulphur layer that forms around the sulphide minerals as they leach, and by
activating the cuprous/cupric couple. Therefore, the experiments presented in this chapter
were carried out in the presence of chloride i.e. mixed sulphate-chloride solutions.
Experiments were carried out to study the effect of initial concentrations of: ferric
iron, chloride, H2SO4; retention time, temperature and reagent grade hematite seed. One
factor was varied at a time while keeping all others constant. The effect of each variable
was recorded against two responses i.e. % Fe precipitation and % Cu in solids.
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6.2 Experimental work

Reagent grade chemicals (CuSO4·5H2O, Fe2(SO4)3·7H2O, LiCl) and de-ionized water
(10 MΩ) were used for all the experiments. The superscript notation (i.e. Fe3+, Cu2+ and Cl−)
will be used, in the remainder of the document, to represent the amounts of initially added
elements. However, due to formation of metal ion complexes in the solution, it does not
always represent the total amount of free ions.
The experiments were carried out using 1 litre of solution contained in a glass liner
(24.7 x 9.65 cm) in a 2 litre Parr autoclave fitted with titanium internals to resist the chloride
effect. Agitation was provided at 500 rpm by two 45° pitched-blade impellers with a 5.7 cm
diameter. The experiments were carried out at 150 °C for 1 hour retention time (except
time and temperature dependent experiments). LiCl was used instead of NaCl to avoid
sodium jarosite formation. The chemicals were dissolved in 1 litre of de-ionized water in a
beaker before being transferred to the autoclave. Hematite seed, where employed, was of
reagent grade with average particle size of about 18 µm and was added immediately before
the contents were sealed in the autoclave. About 35 minutes were required for the sealed
contents to reach the desired temperature of 150 °C. Retention time was calculated from
the moment the contents reached the reaction temperature (150 °C) to the end of the
heating. No oxygen overpressure was used, except for the enclosed oxygen from air, and
the contents in the autoclave were under a steam pressure of 400 – 500 kPa. At the end of
heating, the contents were immediately cooled to room temperature within 5 minutes. The
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slurries were filtered on a Buchner vacuum filter with Whatman 42 ash less filter paper,
washed with 3 – 4 litres of warm de-ionized water and dried overnight in an oven at 60 °C.
Dried samples were analyzed by ICP-OES after complete multi acid digestion. About 2 – 3 g
of the precipitates were analysed by quantitative X-ray powder diffraction (QXRPD).
Quantitative phase analysis of all the precipitates was done using the Rietveld method and
X-ray powder diffraction data. Corundum was used as an internal standard for
quantification of the relative amounts of crystalline and amorphous phases in a similar way
as described in Chapter 4. The size distribution of the precipitates was determined with a
Malvern Mastersizer 2000 Laser Diffraction Particle Size Analyser. Hydroxyl amine
hydrochloride (HaHC) extractions were carried out as described in Chapter 4.
Acid is produced during the hematite precipitation reaction, which affects the final
equilibrium position of the reaction. Final acid concentration of the solutions was measured
by titration with 0.1N NaOH. A solution of Mg-EDTA (0.2M MgSO4 + 0.1M EDTA) was used
to complex metal ions that would normally contribute protons by reaction with hydroxide
ions in the water (Rolia and Dutrizac, 1984).
Transmission electron microscopy (TEM) was performed using a 120 kV tungsten
filament Hitachi H7600 Transmission Electron Microscope capable of 0.35 nm point-to-point
resolution. To prepare samples, a small amount of the washed and dried powder was
dissolved in ethanol. A few drops of the faintly coloured water were placed on a holey
carbon film supported by a copper mesh TEM grid.
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6.3 Results and discussion

6.3.1 Effect of initial iron concentration

Figure 6.1 shows that an increases in the initial iron concentration of the solution
results in a decrease in apparent % Fe precipitation. A similar trend for H2SO4 concentration
confirms that addition of Fe2(SO4)3 is similar to the addition of H2SO4 to the solutions i.e. the
presence of higher amounts of ferric ion in the solution increases the hydronium ion activity
and decreases pH. Secondly, higher initial ferric concentrations slow the hydrolysis rate due
to differences in the nature and kinetics of the precipitating phases; however, under
equilibrium conditions higher initial ferric levels are expected to result in more precipitation
to occur.
Hydrolysis of ferric iron generates acid (

. The equilibrium

constant depends upon both, the concentration of acid and ferric ions in the solution.
Because of the exponential effect of acid on the equilibrium constant, it effectively controls
the extent of reaction. Increasing acid concentration, in fact, increases the equilibrium ferric
concentration of the solution which results in a decrease in the % Fe precipitation.
QXRPD analysis of the precipitates (Table 6-1) showed that hematite was the
dominant phase below 15 g/L initial Fe3+, while hydronium jarosite was the dominant phase
above that ferric concentration. The phase, volaschioite, given in Table 6-1 is from the
family of hydroxy sulphate phases explained elsewhere (Biagioni et al., 2011). Analysis of
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the final free acid concentration (Table 6-1) showed that in all the cases final free acid
concentration was less than the upper stability limit of hematite i.e. 53.4 g/L free H2SO4 as
determined by Sasaki et al. (1993). At low acid (< 53.4 g/L H2SO4) concentrations one should
expect the formation of hematite, however, QXRPD analysis showed the formation of
jarosite when higher initial ferric levels were used. The formation of hydronium jarosite or
hydroxy-sulphate phases at higher initial ferric concentrations is attributed to the kinetic
stability of these phases at higher initial ferric concentrations. The kinetic stability of
hydronium jarosite or hydroxy-sulphate despite their thermodynamics instability is, in fact,
the manifestation of Stranski’s rule or Ostwald’s step rule as discussed earlier. Hydronium
Jarosite and volaschioite are metastable relative to hematite and transform to hematite at
higher temperatures and/or longer retention times. Formation of these phases at higher
initial ferric concentrations can occur within the stability region of hematite (Umetsu et al.,
1977; Levy and Quemeneur, 1964). For detailed discussion about the presence of
metastable phases and their transformation refer to section 2.6 of the thesis.
Figure 6.2 illustrates the effect of initial iron concentration on the composition of
the product. The Fe content decreased from about 59 to 36 % and SO 42− content increased
from about 7 to 35 % as the initial iron concentration increased from 1.5 to 30.0 g/L Fe 3+.
The relationship between the initial ferric or acid concentrations and the corresponding
Cu/Fe ratios of the solid precipitates is shown in Figure 6.3. The relatively higher Cu content
of the precipitates for lower initial Fe3+ concentrations is in fact related to the hydrolysis
rate and its effect on the supersaturation and nucleation – growth mechanism. The rate of
99

hydrolysis increased initially and then decreased for higher initial ferric concentration (> 15
g/L Fe3+), see Figure 6.4. A similar relationship between higher initial ferric concentrations
and hydrolysis rate was observed by Umetsu et al. (1977).

Figure 6.1 Variation of % Fe precipitation with initial concentrations of Fe 3+ and H2SO4; for
the experiments carried out for 1 hr. at 150 °C in the system containing 11.0 g/L Cl ‒ and
30.0 g/L Cu2+.
Note: In case of Fe3+ experiments an initial amount of 15 g/L H2SO4 was added to all the
experiments while in case of H2SO4, 6.0 g/L initial Fe3+, added as Fe2(SO4)3, was used for all
the experiments.
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Table 6-1 Phases identified by QXRPD when the concentration of iron was varied from
1.5 – 30 g/L for the experiments carried out for 1 hr at 150 °C in the system containing
15.0 g/L H2SO4, 11.0 g/L Cl − and 30.0 g/L Cu 2+.
Phase (Wt. %) error (± 2 %)
Fe
Final Free Hematite
Volaschioite
Jarosite
(g/L) acid (g/L) α-Fe2O3
Fe4(SO4)O2(OH)6.
(H3O)Fe3+3(SO4)2(OH)6 Amorphous
2H2O
1.5
17.0
87.3
12.7
3.0
19.0
85.7
14.3
4.5
21.0
85.8
14.2
6.0
22.0
86.0
1.0
13.0
7.5
22.0
78.6
6.9
14.4
9.0
23.0
67.6
12.8
19.6
10.5
23.0
65.2
16.9
17.9
15.0
23.0
52.3
20.0
7.7
20.0
20.0
20.0
8.7
4.1
72.8
14.5
30.0
20.0
2.7
81.0
16.2

Figure 6.2 Effect of initial concentration of iron on the composition of the precipitates.
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Apparent precipitation rate in g/L/hr and particle size analysis results are compared
in Figure 6.4. At lower initial ferric concentrations growth to nucleation ratio increased as
the ferric concentration of the solution increased. However, when precipitation rate was
highest growth to nucleation ratio decreased i.e. more nuclei formed than the growth of the
existing nuclei and finally at higher initial ferric concentrations (> 15 g/L) growth to
nucleation again increased (high ferric levels result in a slower hydrolysis rate), see Figure
6.4. Higher ferric concentrations in fact increase the activity of the hydronium ion as
explained earlier, which results in a slower precipitation rate and prefer growth over
nucleation. Particle size analysis of the precipitates also showed that in the regions where
the hydrolysis rate was highest, particle growth was not preferred.

Figure 6.3 Effect of initial iron and acid on Cu/Fe ratio of the precipitates. Note: For higher
acid concentration product mass was not enough for characterization.
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Figure 6.4 Effect of initial ferric concentration on the apparent iron precipitation and
particle size of the precipitates. Other conditions: 15 g/L H2SO4, 11 g/L Cl‒, 30 g/L Cu2+, 150
°C.

6.3.2 Effect of initial sulphuric acid concentration

The effect of initial acid concentration on the % Fe precipitation is shown in Figure
6.1. Figure 6.1 shows that % Fe precipitation decreases with an increase in the initial acid
concentration of the solution in a nearly linear manner because of increase in the
equilibrium ferric concentration of the solutions. Almost negligible amounts of the initially
present iron were precipitated when the acid concentration was 30 g/L or higher. X-ray
diffraction analysis of the precipitates showed the precipitates consist of poorly crystalline
hematite. However, at lower ini al acid concentra on (< 12.5 g/L) certain amounts of
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goethite were also precipitated along with hematite. The relative amount of goethite
decreased as the concentration of H2SO4 increased from 0.0 to 12.5 g/L. The precipitates
made from the solu ons containing

12.5 g/L H2SO4 consisted of poorly crystallized

hematite as the dominant phase, see Table 6-2.
Table 6-2 Phases identified by QXRPD when initial H2SO4 concentration was increased
from 0 to 20 g/L for the system containing 6 g/L Fe 3+, 11 g/L Cl ‒, 30.0 g/L Cu 2+ at 150 °C
for 1 hr.
Phase (Wt. %) error (± 2 %)
H2SO4 (g/L)
Hematite
Goethite
Volaschioite
Amorphous
α-Fe2O3
α-FeOOH
Fe4(SO4)O2(OH)6. 2H2O
0
79.3
7.1
1.2
12.4
5
80.5
4.7
1.4
13.4
10
81.8
2.7
1.6
13.9
12.5
82.8
0
2.5
14.7
13.5
83.6
0
2.6
13.8
15
84.8
0
3.1
12.1
20
84.1
0
4.6
11.3

Figure 6.5 shows the composi on of the precipitates for di erent ini al acid
concentra ons. The Fe content decreased from 56 % to 54 % and sulphate content
increased from 5 to 9 % as the acid concentration increased from 0 to 20 g/L H 2SO4.
Increase in sulphate content was due to the precipitation of relatively higher amounts of
valoaschiote at higher initial acid concentrations, see Table 6-2. However no ceable e ect
was the decrease in cu content from 1.2 to < 0.4 %.
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Figure 6.5 Effect of initial H2SO4 on the composition of the solid precipitates for the
experiments carried out for 1 hr. at 150 °C in the system containing 6.0 g/L Fe 3+, 15.0 g/L
H2SO4, 11.0 g/L Cl‒ and 30.0 g/L Cu2+.

Acid concentration was found to play an important role on the supersaturation and
nucleation growth of the precipitating solid. Higher acid concentrations increase the
equilibrium ferric concentration of the solution (i.e. decrease supersaturation) leading to a
slower nucleation rate and coarser particles, which results in less solution occlusion and
relatively lower adsorption of the divalent ions such as Cu2+. The relationship between the
final acid concentration and the Cu/Fe ratio of the solid product when experiments were
carried out using different initial acid concentrations is plotted in Figure 6.6. Figure 6.6
shows a decrease in the Cu/Fe ratio of the solid precipitates with an increase in the final
acid concentration, while increase in particle size is evident in Figure 6.7.
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Figure 6.6 Relationship between final acid concentration and the Cu/Fe ratio of the solids.

Figure 6.7 Particle size distribution of the precipitates: Other conditions: 6 g/L Fe 3+, 11g/L
Cl‒, 30 g/L Cu2+, 1 hr, 150 °C.
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6.3.3 Effect of chloride concentration

It has been explained earlier (section 2.2 of thesis) that the presence of chloride in
the medium temperature leaching enhances the leaching kinetics. However, the effect of
chloride on the precipitation of iron in sulphate media is not well understood. In this regard
experiments were carried out to study the effect of chloride on iron precipitation at 150 °C.
Figure 6.8 shows the effect of chloride concentration on % Fe precipitation. It can be seen
that the % Fe precipitation increases with an increase in the chloride concentration of the
solution.
It is suggested that the hydrolysis of ferric iron starts with the formation of
monomeric and dimeric species. These species then rapidly grow to form small and large
polymers by formation of Fe-OH-Fe (olation) and Fe-O-Fe (oxolation) bridges, Equation
(6.1). Once the polymers reach a critical size, colloid size particles are formed which grow by
further addition. The subsequent growth of the nuclei takes place by incorporation of
additional growth units from the solution, until the supersaturation level drops to the
extent that the supply of growth units is insufficient (Dousma et. al., 1978, 1979, Diz et. al.,
2006).

Monomer Dimers

olymers

(6.1)

Both sulphate and chloride have different tendency toward coordination with the
ferric ion. The

value for the anion coordination reaction

is
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reported to be

for the

complex and

for the

complex (Welham et al., 2000). Moreover, speciation studies of the ferric sulphate systems
have shown

to be the dominant species at 150 °C and low pH values (Welham et al.,

2000; Yue et al., 2014). Therefore, it is assumed that the system is dominated by the
sulphate species which polymerize to provide precursor for nucleation. As polymerized
species are removed from solution to form nuclei, iron is released from the
complexes to restore equilibrium. The released iron hydrolyzes and slowly incorporates into
the existing surface. This phenomenon can be represented by the following reaction,
Equation (6.2).
(6.2)
Diz et al. (2006) found that greater numbers of charged species are produced than
being destroyed. The accelerated iron precipitation rate in the presence of chloride can be
attributed to the higher extinction rate of the charged species by the excess amount of
negatively charged chlorides (electrostatic attraction) ions in the system. Murphy et al.
(1976) also observed accelerated precipitation kinetics in the presence of chloride. These
authors attributed the increase in precipitation rate to a decrease in surface charge of the
polycations by adsorption of negatively charged

on the polycation surface, which

reduces the overall charge and increases mobility and collision rate (resulting in permanent
association). Riveros and Dutrizac (1997) observed partial neutralization of iron complexes
by chloride ion in a pure ferric chloride medium, see Equation (6.3).
(6.3)
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This reaction, Equation (6.3), produces 2 protons as compare to ferric precipitation
reaction (i.e.

) which generates 6 protons. If in the above

reaction i.e. Equation (6.3), hematite is partially replaced with goethite the proton yield will
be even lower. The low proton yield in turn will result more precipitation to occur.
Secondly, higher concentration of chloride in solution will favour free ferric to form ferric
chloride complexes (Brown and Ekberg, 2016). This in turn will result more precipitation to
occur. The other possible mechanism for the higher precipitation rate could be as observed
by Dousma et al. (1978) for the ferric chloride system. These authors attributed the
accelerated particle formation to the replacement of the
i.e.

by

Replacement of
of

by

in the polymer bridges by

or in case of partial replacement:

.

in the polymeric bridges also causes pH relaxation (i.e. release

from its complex to solution) which can result in more precipitation. However, this

mechanism leads to incorporation of chloride in the final product (i.e. β-FeOOH). Almost
negligible (< 0.01 %) incorporation of chloride into the precipitating solids, in this study,
suggest that this mechanism may not be responsible for higher precipitation rate.
The initially precipitated phase is metastable (Stranski’s rule) and transforms to a
more stable phase as the product ages. According to the mechanism described by Sapieszko
et al., (1977) the precipitation of metastable phase can be represented by the following
reaction, Equation (6.4).
(6.4)
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The metastable amorphous phase, in this study, is hypothesized to be
schwertmannite, however formation of other hydroxy sulphate phases (Fe 4SO4(OH)10 etc.) is
also possible (Sapieszko, 1977). XRD analysis of the precipitates showed an increase in the
amount of hematite and goethite and decrease in the amount of amorphous and other iron
hydroxy sulphate phases as the chloride concentration increased see Table 6-3.
Table 6-3 Phases identified by QXRPD when chloride concentration was increased from
0 to 30 g/L for the system containing 6 g/L Fe 3+, 15.0 g/L H2SO4, 30.0 g/L Cu 2+ at 150 °C
for 1 hr.
Phase (Wt. %) error (± 2 %)
Chloride (g/L)
Hematite
Goethite
Volaschioite
Amorphous
α-Fe2O3
α-FeOOH
Fe4(SO4)O2(OH)6. 2H2O
0
69.2
20.3
10.5
6
75.7
12.4
11.9
11
83.8
5.1
11.7
15
84.4
3.4
4.3
7.9
20
84.8
5.8
2.2
7.2
30
85.1
11.6
3.3

The composition of the precipitates made with various concentrations of chloride is
illustrated in Figure 6.9. The increase in Fe content of the precipitates from 53 to 56 % and
decrease in SO42− content from 9 to 6 % is due to the preferential precipitation of iron
oxides over iron hydroxy sulphate phases.
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Figure 6.8 Variation of % Fe precipitation with initial concentration of chloride as LiCl.

Figure 6.9 Effect of chloride concentration on the composition of the precipitates; for the
experiments carried out for 1 hr. at 150 °C in the system containing 6.0 g/L Fe 3+, 15.0 g/L
H2SO4 and 30.0 g/L Cu2+.
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6.3.4 Effect of retention time

The focus in this study was the investigation of iron precipitation under short
retention time, as practised by CESL and Vale. However, a few experiments were carried out
for longer retention times to see how the precipitation product and associated metal loss
change with the retention time. In this regard the effect of time on the amount,
composition and crystallinity of the product was investigated. Figure 6.10 shows that
negligible precipitation occurs during the first 35 minutes required to heat the autoclave to
the reaction temperature 150 °C i.e. 0 hour retention time. Prolonging the retention time
increased the amount of iron precipitation and this trend continued to

6 hours. Further

increase in the retention time had little effect on the percentage iron precipitation.
Table 6-4 Phases identified by QXRPD when the retention time was increased from 1 to
12 hours; for the experiments carried out at 150 °C in the system containing initial
concentrations: 15.0 g/L H 2SO4, 11.0 g/L Cl ‒, 30.0 g/L Cu 2+.
Phase (Wt. %) error (± 2 %)
Time (hr)
Hematite
Volaschioite
Amorphous
α-Fe2O3
Fe4(SO4)O2(OH)6. 2H2O
1
86.6
1
12.4
2
86.4
13.6
4
100
6
100
8
100
12
100
-

Quantitative phase analysis of the precipitates, for longer retention times, is given in
Table 6-4. t can be seen that the reac on product a er 1 hour contains about 8 %

112

hema te and 13 % amorphous phase. When retention time was increased to 4 hours or
higher, the precipitates consisted only of hematite.

Figure 6.10 Effect of retention time on % iron precipitation; for the experiments carried out
for 1 hr. at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 30.0 g/L Cu2+ and
11.0 g/L Cl‒.

Elemental analysis of the precipitates, Figure 6.11 showed an increase in the Fe
content of the solid product from
from

% Fe to 61 % Fe and a decrease in the SO42− content

. to 4.4 % SO42− as the retention time increased from 0.5 to 12 hours. The data

suggests that the first product of hydrolysis is a sulphate containing metastable phase which
transforms to a more stable phase upon ageing. Figure 6.12 shows the particle size
distribution for different retention times. Particle growth is preferred with an increase in
retention time. The decrease in the Cu content ( 0. to 0.3 % Cu), for longer retention
times, as shown in Figure 6.11, can be attributed both to the absence of metastble phase
and increase in particle size for longer retention times. Increasing retention time increased
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the percentage iron precipitation; however, it did not affect the crystallinity of the
precipitates to a significant extent, see Figure 6.13.

Figure 6.11 Effect of retention time on the composition of the solid precipitates for the
experiments carried out at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0
g/L Cl‒ and 30.0 g/L Cu2+.

Figure 6.12 Effect of retention time on the particle size distribution of the precipitates:
initial conditions: 6 g/L Fe3+, 15 g/L H2SO4, 11g/L Cl‒, 30 g/L Cu2+, 150 °C.
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Figure 6.13 Effect of retention time on the crystallinity of the hematite; for the experiments
carried out at 150 °C in the system containing 6.0 g/L Fe 3+, 15.0 g/L H2SO4, 11.0 g/L Cl‒ and
30.0 g/L Cu2+.

6.3.5 Effect of hematite seed

In a continuous process a certain amount of seed is always present. In this study
experiments were carried out using reagent grade hematite seed to study the effect of
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different seed levels on the extent of iron precipitation. The Fe and SO42− contents of the
seed were: 69.5 % Fe and < 0.01 % SO42− respectively. As the concentration of seed
increased the % iron precipitation also increased i.e. more iron precipitated in 1 hour
retention time (because of lower activation energy barrier for secondary nucleation). There
was little difference between % Fe precipitations for seed concentrations of 15 g/L and
higher, because of the system being close to equilibrium. Solution containing higher initial
ferric concentrations may require higher seed levels before the precipitation plateau. A
rough estimation, based on this study, is that an iron to seed ratio of 1:3 can provide
enough secondary nucleation sites to achieve higher precipitation rate. Figure 6.14
compares the % iron precipitation in the absence and presence of 15 g/L seed. It can be
seen in Figure 6.14 that the presence of 15 g/L seed in the system results in the
precipitation curve to plateau after 2 hours, which in the absence of seed is attained almost
after 6 hours. However, the presence of seed is not expected to affect the final equilibrium
state of the system and both curves will meet eventually at a single point.
QXRPD analysis of the precipitates showed the precipitation of only hematite
irrespective of the retention time. In comparison to the absence of initially added seed, 100
% hematite phase was only obtained after 4 hour of retention. Addition of hematite seed
promotes the precipitation of hematite phase relative to other iron oxide/hydroxy sulphate
phases. Increasing seed concentration decreased the copper content of the precipitates.
However higher seed levels ( 1 g L) resulted in more fine fractions in the precipitation
product. One possible reason for this behaviour seems that higher seed levels result in
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defragmentation of the crystals growing on the seed surface and these defragmented parts
exist mainly as separate particles, this hypothesis is further discussed in Chapter 7. The
presence of higher amounts of the fine fractions results in an increase in the total surface
area in the system which is expected to affect the adsorption behaviour of the precipitating
solid. Detailed discussion about the effect of seeding on the copper content/adsorption of
the precipitates will be addressed in Chapter 7.

Figure 6.14 Relationships between retention time and % iron precipitation both in the
presence and absence of hematite seed. In case of seed added experiments, mass of the
new precipitates was calculated by subtracting the mass of seed from the total mass.
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6.3.6 Effect of temperature

The baseline temperature for this study was selected to be 150 °C, as per Vale and
CESL operations. However, some experiments were carried out at higher temperatures to
compare the nature of the precipitation products. Temperature was varied in the range 150
– 220 °C. Figure 6.15 illustrates the effect of temperature on % iron precipitation after 1
hour of reaction time, in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L Cl‒ and
30.0 g/L Cu2+. Figure 6.15 shows that increasing temperature results in an increase in the %
iron precipitation. At higher temperatures equilibrium solubility of ferric ion decreases
which results in more iron precipitation. XRD analysis of the precipitates showed the
precipitates to consist of 100 % hematite phase when the temperature was

200 C, see

Table 6-5. The presence of metastable/amorphous phase at lower temperatures (< 200 °C)
and its absence at higher temperatures ( 200 C) suggests that transformation kinetics are
faster at higher temperatures. Chemical analysis of the precipitates showed an increase in
Fe content and decrease in SO42‒ content of the precipitates see Figure 6.16. As the
temperature increased, sulphate was rejected out from the precipitates, see Figure 6.16.
However at higher temperatures

200 C even though XRD detected 100 % hematite

phase, subsequent leaching of the precipitates with 0.1 M H2SO4 showed the presence of 12 % basic ferric sulphate.
Figure 6.16 illustrates the composition of the precipitates made in the system
containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L Cl‒ and 30.0 g/L Cu2+ for 1 hour reaction at
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various temperatures. The Fe content of the precipitates increased from 57 to 66 % and the
SO42‒ content deceased from about 8 % to 2 %, as the temperature increased from 150 °C to
220 °C. The Cu content remained < 0.5 % in all cases. However, Cu to Fe ratio decreased as
the temperature increased, see Figure 6.15.

Figure 6.15 Effect of temperature on % iron precipitation. Dashed line shows the Cu/Fe ratio
in the solid product. Note: Solids mass increased with temperature which resulted in more
Cu loss to the precipitates therefore only a small difference in the Cu/Fe ratio was observed
as the temperature increased from 150 to 220 °C, see appendix D, Table D-1.

Table 6-5 Phases identified by QXRPD when the temperature was increased from 150
to 200 °C; for the experiments carried out for 1 hr in the system containing 15.0 g/L
H2SO4, 11.0 g/L Cl ‒, 30.0 g/L Cu 2+.
Phase (Wt. %) error (± 2 %)
Temperature
Hematite
Volaschioite
Amorphous
(°C)
α-Fe2O3
Fe4(SO4)O2(OH)6. 2H2O
150
180
200
220

86.6
86.2
100
100

1
-

12.4
13.8
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Figure 6.16 Effect of temperature on the composition of the solid product.

Figure 6.17 demonstrates that temperatures above 200 °C are required to produce a
more crystalline product. A comparison of the XRD patterns for different temperatures and
retention times is given in Figure 6.18. Longer retention times were not as effective to
produce a crystalline product as the higher temperature was. Precipitates made from a 1
hour test at 220 °C exhibited better crystallinity than those made from a 12 hour test at 150
°C.
Chemical analysis of the precipitates showed the precipitates to consist of 8 % SO42−
for the 1 hour and 4.2 % SO42− for the 12 hour product compared to the 2.0 % SO42− for
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the product made at 220 °C. It should be noted that for 1 hour product a certain amount of
amorphous phase is co-precipitated with hematite which results in higher sulphate content.
Similarly at higher temperatures a certain amount of basic ferric sulphate coexists.

Figure 6.17 Comparison of XRD patterns for different temperatures.
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Figure 6.18 Comparison of XRD patterns for different temperatures and retention times.

6.3.7 Effect of pre-neutralization

Increasing the room temperature pH of the solution i.e. pre-neutralization,
increased the amount of precipitation product and nearly complete iron precipitation was
achieved in 1 hour for pH values of

2. . However pre-neutralization (higher pH values)

resulted in precipitation to start at room temperature. The precipitates formed at room
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temperature were found to be amorphous and did not transform to the crystalline product
after 1 – 3 hours of retention at 150 °C. As a result, the product formed at higher pH values
was contaminated by significant amounts of the amorphous phase ( 20 – 40 %), see Table
6-6. In certain cases the precipitates also contained goethite along with hematite and
amorphous phase.

Figure 6.19 Comparison of the XRD patterns of reagent grade hematite seed and
representative pattern of hematite precipitates.

Figure 6.19 shows the XRD pattern of the reagent grade hematite seed and a
representative pattern of hematite precipitates made in this study. It can be seen that the
freshly prepared hematite lacks in crystallinity. XRD patterns of the experiments carried out
at higher pH values (i.e. initial neutralization of the solution) were separated from the
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amorphous phase and are shown in Figure 6.20. Figure 6.20 demonstrates that
comparatively better crystalline hematite is formed at higher initial pH values.
As described above, precipitation of iron takes place by formation of small polymers
which convert to large polymers and eventually to the colloidal size solids which grow by
the further addition of the precursor species or by agglomeration. At lower pH values
dominance of the species such as FeSO4+, Fe(SO4)2− etc. is expected. The matrix anion ligand
(SO42−) is incorporated in the precipitating solid due to incomplete exchange of SO42− with
the precipitating anion ligand (OH−) (Demopoulos, 2009; Grundl and Delwiche, 1993). A
complete anion ligand exchange reaction is shown in Equation (6.2). However, an
incomplete ligand exchange will result in mixed stoichiometry such as the one shown in
Equation (6.4). Secondly, adsorption of SO42− onto the active surface sites of the
precipitating solid will also result in a mixed stoichiometry. Sugimoto and Wang (1998) have
shown that sulphate adsorption on hematite increases as the pH decreases. The presence of
matrix anion interferes with the dehydration process and may result in poor crystallinity.
Table 6-6 Phases identified by QXRPD when solution were neutralized at room
temperature to get the desired pH; other conditions: 6.0 g/L Fe 3+, 11.0 g/L Cl‒ and 30.0
g/L Cu2+, 1 hr. at 150 °C.
Phase (Wt. %) error (± 2 %)
pH
Hematite
Goethite
Amorphous
α-Fe2O3
α-FeOOH
1.5*
86.0
14.0
2.0
47.2
34.4
18.4
2.5
57.5
19.6
22.9
3.0
61.1
38.9
*pH 1.5 is the solution pH in the presence of 15 g/L initially added H2SO4 and without any
initial neutralization. Neutralization was carried out using LiCO3.
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Figure 6.20 Effect of initial solution pH on the hematite crystallinity; for the experiments
carried out for 1 hr at 150 °C in the system containing 6.0 g/L Fe 3+, 11.0 g/L Cl‒, 30.0 g/L
Cu2+. pH was raised at room temperature using LiCO3.
Note: pH before addition of base was 1.5 which is the pH of the lowest diffractogram. pH
was raised at room temperature using LiCO3. The diffractograms shown are the calculated
patterns of hematite while the precipitates also contain other phases.

To further investigate whether adsorption and/or incorporation of sulphate on the
active surface sites of hematite results in poor crystallinity of the product, experiments
were carried out in the absence of sulphate in the solution i.e. chloride salts of the
respective metals were used to prepare the initial solutions. The results are presented in
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Figure 6.21. It can be seen in Figure 6.21 that the absence of sulphate in the medium results
in a more crystalline product.

Figure 6.21 Effect of precipitation medium on the hematite crystallinity; for the experiments
carried out for 1 hr at 150 °C.

XRD analysis of the powder hematite from both sulphate and chloride media
showed almost identical lattice parameters (i.e. a = 5.031 Å, c = 13.816 Å from sulphate and
a = 5.027 Å, c = 13.805 Å from chloride medium) and there was no indication of peak shifts.
Therefore, structural incorporation of SO42− (diameter 0.5 nm), which is expected to change
the lattice parameters significantly, in the hematite does not seem to be taking place.
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Figure 6.22 TGA weight loss behaviour of the hematite precipitates from: sulphate medium
(150 °C, 48 hr retention) and chloride medium (150 °C, 4 hr retention). Other conditions: 30
g/L Cu2+, 11 g/L Cl‒ pH 1.5. Longer retention times were chosen to ensure that the
precipitation product contains only hematite phase.

Dutrizac and Chen (1993) studied hematite precipitation from sulphate medium.
Although, SEM-EDX analysis in their study did not detect any sulphate containing phase
within the hematite, these authors were able to confirm the presence of 2.81 % sulphate
using quantitative electron microprobe analysis of the individual hematite particles.
Dissolution of hematite, in their study, in the hydrochloric acid followed by BaSO 4
precipitation confirmed the presence of S as SO42−. Similarly, TEM-EDX of the individual
hematite crystallites showed the presence of sulphate consistent with the bulk composition
of their product. Therefore, it seems that it is the strongly held sulphate on the surface of
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the individual hematite crystallites which results in poor crystallinity. Sulphate covering of
the hematite surface changes the surface electronic configuration and atomic scattering
from the planes resulting in low intensity peaks. It is believed that SO42− adsorption takes
place through a ligand exchange with the surface FeOH groups in the presence of protons
where some of FeOH are protonated to give FeOH2+ and resultantly binuclear bridging
complexes i.e. Fe—O—SO2—O—Fe are formed at the surface (Parfitt and Smart, 1978).
Wolska (1981) observed that hematite precipitates from aqueous medium contain
about 3 – 4.5 % tightly held water which requires temperatures up to 1000 °C for complete
withdrawal. Wolska (1981) and Dutrizac and Chen (2001) believed that this tightly held
water is in the form of OH‒ partly replacing the O2‒ in the hematite structure i.e.
“hydrohematite”.

ith such a replacement electrostatic neutrality is disturbed, to preserve

this charge imbalance Fe3+ deficient cites are created in the cation positions. Such Fe 3+
deficiency results in low intensity peaks (Wolska, 1981).
TO investigate this hypothesis thermal gravimetric analysis of the precipitates was
carried out. TGA weight loss analysis of the precipitates from both sulphate and chloride
mediums, Figure 6.22 showed about 9.6 ± 1.0 % weight loss from sulphate medium
and 3.7 ± 1.0 % weight loss from the chloride medium. QXRD analysis of the precipitates
showed the presence of 100 % hematite in both the samples, therefore the weight loss due
to the presence of other impurities can be excluded. The weight loss from chloride medium
took place steadily as the temperature increased from 30 to 800 °C. However, a rapid
weight loss occurred after approximately 580 °C for the precipitates from sulphate medium.
128

The change in slope of the weight loss curve at 580 °C indicates two dis nct reac ons to be
taking place. The weight loss of 3.8 % after 580 °C is very close to the 4.0 % sulphate
content of the precipitates as determined by ICP. Secondly, Dutrizac and Chen (2001) have
shown that SO2 gas is evolved when hematite, precipitated from sulphate media, is heated
above 580 °C. Therefore, the second weight loss is almost certainly due to the sulphate
desorption from the precipitates. Weight loss comparison shows that the precipita on
product from sulphate medium results in 6.8 % extra weight loss, of which 3.8 % is due to
sulphate and 3.0 % is due to extra water content of this sample. Therefore, the implication
is that it is the combined effect of adsorbed sulphate and structural water which results in
the mixed stoichiometry and poor crystallinity of the product from the sulphate medium.
Figure 6.23(a), shows a general morphology of the hematite precipitated in this
study. However, under short retention times (< 4 hour, when the product contained 13 %
amorphous phase) two types of morphologies were found in the precipitation product as
shown in Figure 6.23(b) (c). For longer retention times ( 12 hour), the hedgehog type
morphology as seen in Figure 6.23(b), (c) seemed to have more compact agglomerates and
hematite was found to grow within as small round particles, see Figure 6.23(d), (e). On the
other hand, the precipitation product from chloride only medium (i.e. in the absence of
sulphate in the system) had a higher tendency for agglomeration and consisted of large
agglomerates made up of tiny hematite particles, see Figure 6.23(f) and Figure 6.23(f) inset.
The morphology found in Figure 6.23(c) has some resemblance to the hedgehog
morphology attributed to schwertmannite by Loan et al., (2002a, 2005). Claassen et al.,
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(2002) also found the amorphous phase to be schwertmannite from the acidic sulphate
medium in the Zincor process. These latter authors used Mӧssbauer effect spectroscopy to
identify its presence. However, positive identification of the metastable/amorphous phase,
in this study, needs further investigation using techniques such as X-ray absorption near
edge spectroscopy, TEM-EDS.
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Figure 6.23 TEM images of: (a) hematite precipitates; (b) precipitation product after 1 hr
retention; (c) another image of the hedgehog type morphology seen in (b); (d) morphology
of (c) after 12 hr retention; (e) image of the highlighted area in (d) at higher magnification;
(f) precipitation product from chloride medium, the inset image shows the fine details of an
edge of large agglomerates seen in (f).
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6.3.8 Hydroxylamine hydrochloride (HaHC) extraction

Figure 6.24 shows the Cu/Fe ratio in the solutions when the precipitates made under
various conditions were leached with HaHC (i.e. selective leaching of the amorphous phase).
It can be seen that an increase in the retention time, acid or seed concentration leads to a
decrease in the Cu/Fe ratio resulting from the leaching of the precipitates. A lower Cu/Fe
ratio means that less copper is lost to the products during the precipitation process.
It has been seen in the previous sections of this chapter that increasing retention time
decreased the amorphous phase and increased the particle size; similarly presence of seed
increased the proportion of hematite and presence of higher acid concentrations promoted
particle growth. These changes in the product result in lower Cu/Fe ratios with HaHC
leaching. It should be noted that seed itself is inert to HaHC leaching.
Figure 6.25 shows the Cu/Fe ratio in the solutions when the precipitates made at
different pH values, i.e. pre-neutralization, were extracted with HaHC. As mentioned earlier,
pre-neutralization of the solution results in the precipitation starting at room temperature,
contaminating the product with a significant amount (20-40 %) of amorphous component.
The room temperature product was amorphous and did not transform to a crystalline phase
under the temperature and time used in this study. Therefore the HaHC leaching resulted in
higher Cu/Fe ratios.
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Figure 6.24 Cu/Fe ratios in the solution when the Fe precipitates were dissolved with HaHC.
Results are based on the experiments carried out for varying time, seed and acid
concentrations.

The product left after the first HaHC treatment i.e. the crystalline component was
dried and given a second HaHC treatment. In the second treatment almost negligible
amount of Cu and Fe iron were reported to the solutions (result not reported in detail). The
lower Cu/Fe ratios for the second treatment suggest that the amorphous components were
mostly responsible for the higher copper loss to the precipitates.
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Figure 6.25 Cu/Fe ratios in the HaHC extracted solutions for the precipitates made at
different pH values.

6.3.9 Effect of copper concentration

The copper concentration of a commercial processing solution increases as copper is
dissolved from the copper sulphide concentrates in the autoclave. Therefore, in another set
of experiments, copper concentration was varied from 0 – 60 g/L in the system containing
6.0 g/L Fe3+, 15 g/L H2SO4, 11 g/L Cl‒ at 150 °C for 1 hour. Figure 6.26 shows that a negligible
amount of iron precipitates in the absence of copper sulphate. However, as the copper
sulphate concentration of the solution increased the amount of iron precipitation also
increased up to 40 g/L Cu2+ and became constant thereafter. Increase in iron precipitation
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for higher concentrations of Cu (added as CuSO4) is related to the formation of bisulphate
by the extra sulphate added to the system, which results in a decrease in the
activity of the hydronium ion (i.e. pH increase). Tozawa and Sasaki, (1986) and Umetsu et
al., (1977) have shown that the addition of certain sulphate salts (Cu, Zn, Mg) shifts the
maximum concentration of free sulphuric acid above which basic iron sulphates precipitate
instead of hematite. For example, in their study, at 185 °C hematite existed as a stable
phase up to 76 g/L H2SO4 in the presence of 15 g/L Mg as MgSO4 and up to 100 g/L H2SO4 in
the presence of 30 g/L Mg. Similarly the upper limit of sulphuric acid at 200 °C was shifted
to 79 and 102 g/L H2SO4 in the presence of 15 and 30 g/L Mg, respectively.
Figure 6.27 shows the composition of the precipitates for different initial copper
sulphate concentrations. The increase in iron and decrease in the sulphate content of the
precipitates for higher concentrations of CuSO4 indicates that the product is less
contaminated with iron hydroxy sulphates (or basic ferric sulpahte) due to the shift in upper
limit of formation of basic ferric sulphate. Slight increase in the copper content of the
precipitates could possibly be due to the incorporation of Cu into the hematite structure or
due to the higher amount of product formed in the same retention time which is expected
to result in finer size. However, the exact mechanism of Cu loss needs further investigation.
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Figure 6.26 Effect of initial copper added as copper sulphate on the % Fe precipitation.

Figure 6.27 Effect of copper added as copper sulphate on the composition of the solid
product.
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6.4 Conclusions

Results of the preliminary experiments showed that % Fe precipitation increased as
the initial H2SO4 concentration decreased from 30 to 0 g/L. However, due to increase in the
equilibrium ferric concentration of the solution at higher acidities, almost negligible
amounts of iron were precipitated when the initial H2SO4 concentration of the solution was
> 30 g/L. QXRPD analysis of the precipitates showed the precipitates to consist of hematite
as the dominant phase. However, in the absence of initially added acid small amounts of
goethite were precipitated along with hematite.
Higher initial ferric levels (>15 g/L Fe3+) reduced the % Fe precipitation to a
significant extent because of the acid produced upon hydrolysis which shifted the
equilibrium and due to slower kinetics of the precipitating phases. QXRPD analysis of the
precipitates showed the precipitates to consist of predominantly hematite at lower initial
ferric concentrations (< 15 g/L Fe3+). At higher ferric concentrations (> 15 g/L Fe3+)
hydronium jarosite and hydroxy sulphate phases were kinetically favoured. Higher initial
ferric concentrations resulted in the precipitation of hydronium jarosite and other iron
hydroxy sulphate phases even where hematite was expected to precipitate.
Increasing retention times increased the % Fe precipitation. Virtually constant
amounts of iron were precipitated for retention times of 6 hour and higher. XRD analysis of
the precipitates showed the precipitates to consist of 100 % hematite for retention times 4
hours and longer.
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It was found that a small amount of copper was always required for iron
precipitation from the system containing 15 g/L H2SO4, 6 g/L Fe3+, 11 g/L Cl‒, for 1 hour at
150 °C. Negligible (< 5%) iron precipitation occurred in the absence of initially added Cu 2+
(as CuSO4). Increasing copper concentration increased the % Fe precipitation and a nearly
constant amount of iron was precipitated for copper concentrations of 40 g/L and higher.
XRD analysis of the precipitates showed the precipitates to consist of hematite as the
dominant phase.
Increasing chloride concentration from 0 to 30 g/L also increased the % Fe
precipitation in the system containing 15 g/L H2SO4, 6 g/L Fe3+, 1 hour and 150 °C. XRD
analysis of the precipitates showed a relatively higher amount of hematite at higher
chloride concentrations.
Increasing hematite seed levels from 0 to 15 g/L increased the % Fe precipitation but
a virtually constant amount of iron precipitation was obtained at higher seed levels.
Increasing temperature increased the % Fe precipitation and amount of hematite in the
final product. A comparatively more crystalline product was produced at higher
temperatures. Precipitation conditions which resulted in particle growth over nucleation
lead to a precipitation product with lower Cu/Fe ratio. Sulphate adsorption and
incorporation of OH‒ into the hematite structure resulted in a poorly crystalline product.
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Chapter 7. Iron precipitation and copper loss from sulphate-chloride
solutions at 150 °C: A statistical approach.

7.1 Introduction

As discussed in the previous chapters, the precipitation of iron in the
hydrometallurgical process solutions is a common and large scale industrial operation. This
step is notorious for leading to valuable metal loss with the iron precipitation product,
which is usually directed to tailings. In this study, factors affecting iron precipitation and
associated copper loss were studied in synthetic process solutions using statistical analysis
and modelling. The variables studied were: initial acid concentration, retention time, seed
addition, initial ferric, copper and chloride concentrations. The importance of each variable
and their interaction effects were studied against two responses i.e. % Fe precipitated and
% copper to the solids. The range of each variable was selected based on the results from
the one variable approach, as discussed in Chapter 6, in such a way that the precipitation
product contained a maximum amount of hematite with a minimum copper loss to the
precipitates. Initial screening was performed by using a fractional factorial method for the
variables that have important effect on % Fe precipitation and % Cu in the solids. The
important factors determined by fractional factorial design were further optimized by using
a Box-Behnkin design.
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7.2 Experimental

The experiments were carried out using 1 litre of solution contained in a glass liner
(24.7 x 9.65 cm) in a 2 litre Parr instruments autoclave fitted with titanium internals as
discussed in Chapter 6.
The relative importance and interaction effects were studied by using statistical
design of experiments (Oehlert, 2000). The important factors were first screened by using
one quarter fractional factorial design (Box et. al., 1978). Significant factors and their
interaction effects were then further optimized using a Box-Behnken design (Myers and
Montgomery, 2002). This experimental strategy was skeptically analyzed by Burkin (1984)
and has been successfully applied to goethite precipitation by Agatzini and Burkin (1985),
agglomeration-growth of iron precipitates by Claassen and Sandenbergh (2006) and iron
precipitation from atmospheric nickel sulphate solutions (Wang et. al., 2011). A best fit
mathematical model was developed by multiple regression analyses of the data. The
corresponding contour plots were obtained using the software package Design-Expert®
version 9.0.5.1 (STAT-EASE trial version). In certain cases originPro 8SR0 v8.0724 (B724) was
used to plot the graphs.
For scanning electron microscopy (SEM), a small amount of the washed and dried
sample was suspended in water and a few drops of the sonicated suspension were dried on
carbon tape before analysis. The images were collected using the secondary electron (SE)
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mode. Additionally, the size distribution of the precipitates was determined by using
Malvern Mastersizer 2000 Laser Diffraction Particle Size Analyser.

7.3 Fractional factorial design

Studying one variable at a time allows for simple interpretation. However, the way
each variable is interrelated with another cannot be interpreted through the single variable
technique. The advantage of the fractional factorial technique is the fact that several
variables are changed together so that interaction between variables can be identified using
only a small number of experiments.
The significance of the factors and their levels identified by one variable approach,
as detailed in Chapter 6, was tested by designing a one quarter 25-2 fractional factorial
design of resolution III. An un-replicated fractional factorial design at two levels, low (—)
and high (+) was employed. The layout of the design is given in Table 7-1 and the levels of
the variables are given in Table 7-2. The selection of the low (—) and high (+) levels of the
variables was based on the one variable approach, as discussed in Chapter 6, and represent
the range of a typical CESL and Vale medium temperature hydrometallurgical process leach
liquor (Jones et al., 2009). Because of the short retention times used, the final conditions of
the precipitation were not always in equilibrium.
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Table 7-1 Screening experiments for the fractional factorial design in coded and actual
forms.
Variables studied
Exp.
A
B
C
D=AB
E=BC
No.
coded actual coded actual Coded actual coded actual coded actual
F-1
+
15
—
0
—
1
—
0
+
15
F-2
+
15
—
0
+
6
—
0
—
0
F-3
+
15
+
15
—
1
+
30
—
0
F-4
+
15
+
15
+
6
+
30
+
15
F-5
—
6
+
15
—
1
—
0
—
0
F-6
—
6
—
0
+
6
+
30
—
0
F-7
—
6
—
0
—
1
+
30
+
15
F-8
—
6
+
15
+
6
—
0
+
15

Table 7-2 Variables and their ranges used for the factorial design experiments.
Hematite was the dominant precipitate within these ranges.
Factor
Variable
Low level (—)
High level (+)
Units
A
Initial Fe
6
15
g/L
B
Initial H2SO4
0
15
g/L
C
Retention time
1
6
Hour
D
Initial chloride
0
30
g/L
E
Seed
0
15
g/L

7.4 Box-Behnken design

The important variables identified by fractional factorial design and their interaction
effects were studied in more detail by using a Box-Behnken design (Box and Behnken,
1960). Details of the Box-Behnken design are given in appendix C. The factors studied were
initial H2SO4 concentration, Initial ferric concentration and concentration of seed. The
factors were studied at three levels: low (—), medium (0) and high (+). The factors and their
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levels are given in Table 7-3. The Box-Behnken design with three factors and fifteen
experiments including three central points is given in Table 7-4.
Table 7-3 Factors and their ranges used for the Box-Behnken experiments.
Medium (0)
Factor
Variable
Low level (—)
High level (+)
A
Initial Fe
6
10.5
15
B
Initial H2SO4
0
7.5
15
C
Seed
0
7.5
15

Table 7-4 Design matrix for Box-Behnken experiments.
Variables studied
Experiment
A
B
No.
coded
actual
Coded
actual
G-1
—
6
+
15
G-2
+
15
0
7.5
G-3
—
6
0
7.5
G-4
+
15
+
15
G-5
+
15
—
0
G-6
0
10.5
+
15
G-7
0
10.5
0
7.5
G-8
—
6
—
0
G-9
—
6
—
0
G-10
0
10.5
0
7.5
G-11
0
10.5
+
15
G-12
+
15
—
0
G-13
0
10.5
0
7.5
G-14
0
10.5
0
7.5
G-15
0
10.5
0
7.5

Units
g/L
g/L
g/L

C
coded
0
0
0
0
—
—
—
—
+
+
+
+
0
0
0

actual
7.5
7.5
7.5
7.5
0
0
0
0
15
15
15
15
7.5
7.5
7.5
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7.5 Results and discussion

7.5.1 Fractional factorial design

Experimental results of the fractional factorial design are given in Table 7-5. As in a
fractional factorial design there are not enough degrees of freedom left, therefore
conventional analysis of variance (ANOVA) cannot be applied. In this study, data was
analysed by plotting half normal probability plots for the effect estimates (Daniel, 1959).
Half normal probability plots are recommended for experiments utilizing a small number of
tests (Myers and Montgomery, 2002). These are plots of the absolute value of the effect
estimates against their cumulative normal probabilities. It is assumed that only the main
factors (A, B, C etc.) and their low order interactions (i.e. two factor interactions: AB, BC
etc.) are dominant and the higher order interactions (three factor and higher i.e. ABC, ABCD
etc.) are negligible. In these graphs the factors with small and/or insignificant effects fall on
a straight line on the plot while the factors with large and significant effects will visually fall
off the straight line.
Figure 7.1 and Figure 7.2 show half normal probability graphs for “% Fe
precipitation” and “% Cu content” of the precipitates, respectively. Due to large variation in
the amount of product formed; the Cu uptake of the product was gauged by % Cu content
of the precipitates, instead of % Cu loss to solids. For example, if two experiments generate
solids having same Cu content but different product yield or total mass of the precipitates.
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The experiment with higher product yield will result in higher % Cu loss to the solids, even
though the Cu content of the two products remained same.
Table 7-5 Elemental analysis of the fractional factorial design experiments
Experiment No.
F-1
F-2
F-3
F-4
F-5
F-6
F-7
F-8

Precipitates Fe, S content (%)
Fe
62.3
59.7
47.8
64.0
56.2
61.6
64.5
66.2

S
1.33
2.57
5.72
1.09
2.47
1.58
0.91
0.62

% Fe precipitated

Cu in solids (%)

57.03
73.36
10.20
48.30
14.99
86.65
94.60
79.99

0.157
0.194
0.094
0.084
0.045
0.046
0.035
0.074

Figure 7.1 shows that the factors: A (initial Fe3+), B (initial H2SO4), C (time) and E
(seed) have large effects on % Fe precipitation for the system under study. While Figure 7.2
shows that the factors: A (initial Fe3+), B (H2SO4) and their interaction AB are the most
important factors for the copper loss to solids. The interaction term AB becomes more
important because the equilibrium constant for the ferric hydrolysis reaction (
) is defined by both the ferric and acid concentrations.
Ferric hydrolysis involves the nucleation of hematite particles and subsequent
growth of the solid nuclei to larger particles. The agglomeration-growth mechanisms
depend upon the ferric iron supersaturation of the solution where the growth of the
particles occurs by the attachment of molecules to the surface of the crystal or by
agglomeration of the crystals. Both processes play an important role in defining the copper
content and quality of the final product.
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Figure 7.1 Half-normal probability plot for the factors and their interactions for Log (% Fe
precipitated). a*=D+AB+BCE, b*=BC+DE+ACD+ABE, c*=BE+CD+ABC+ADE.

Higher supersaturation leads to a faster nucleation rate, which results in small
particles, larger surface area and a relatively higher adsorption of divalent ions (Dutrizac
and Riverose, 1999; Ruiz et al., 2007). At lower supersaturation the nucleation rate is
slower, initially fewer nuclei are formed which grow by further addition i.e. particle growth
is preferred. In such cases larger particles and relatively lower adsorption or solution
entrapment are achieved (Dirksen and Ring, 1991; Dutrizac and Riverose, 1999; Ruiz et al.,
2007).
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Figure 7.2 Half-normal probability plot for the factors and their interactions for “% Cu
content” of the precipitates. a*=C+AE+BDE, b*=E+AC+BCD, c*=BC+DE+ACD+ABE,
d*=BE+CD+ABC+ADE.

Due to large variation in the response values, the data for % Fe precipitation in
Figure 7.1 was described by a log transformation (appendix B). Such transformations are
often used for stabilizing the variance of the response, making the distribution of the
response closer to the normal distribution and improving the fit of the model to the data
(Myers and Montgomery, 2002). Details of the procedure have been discussed by Box and
Cox (1964) and Box et al. (1978). Transformation procedure used in this study is given in
appendix B.
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Fractional factorial designs usually have low resolution, where the main effects can
be differentiated from one another but the main effects cannot be differentiated from
some of the low order interactions (AB, BC etc.). Further, some of the low order interactions
also cannot be differentiated from one another (Myers and Montgomery, 2002). Therefore,
the effects of A, B, C, E and AB, in Figure 7.1 and Figure 7.2, are confounded with BD+CE,
AD+CDE, AE+BDE, AC+BCD and D+BCE respectively. Higher order interaction effects are
usually negligible in a fractional factorial design, and the system is left with the main factors
and two factor interactions only. Although the main factors cannot be differentiated from
the two factor interactions, yet, A (initial ferric) and B (initial H2SO4) concentrations, have a
significant effect on “% Cu content” and the same two effects along with C (time) and E
(Seed) have significant effect on “% Fe precipitation”. Since longer retention times put
economic constraints on hydrometallurgical processes by limiting reactor throughput, and
since a certain amount of seed in always present in a continuous commercial process; the
factors: A (initial ferric concentration), B (initial H2SO4) and E (seed) were studied in more
detail in a Box-Behnken design.
Variables which might possibly affect the chosen responses, but were fixed
throughout the experimental work for Box-Behnken design were: retention time, 1 hour,
temperature, 150 °C, initial Cu2+ concentration, 30 g/L and agitation speed, 500 rpm.
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7.6 Optimization for the factors

The important factors (initial Fe3+, initial H2SO4 and seed) as identified by fractional
factorial design were further investigated using a Box Behnken design at three levels with
fifteen experiments. The factors and their levels are given in Table 7-3 and the experimental
results are given in Table 7-6.
Table 7-6 Compositional analysis of the Box-Behnken design experiments.
Precipitates Fe, S content (%)
Experiment No
% Fe precipitated
Cu in solids (%)
Fe
S
G-1
64.6
0.89
60.72
0.031
G-2
63.4
1.36
34.24
0.132
G-3
58.5
1.18
72.54
0.252
G-4
61.2
1.23
22.85
0.051
G-5
48.0
4.04
44.24
0.497
G-6
53.4
2.87
10.00
0.288
G-7
51.8
2.91
39.14
0.522
G-8
54.8
1.98
75.81
0.865
G-9
60.4
0.86
86.57
0.532
G-10
62.6
1.00
65.58
0.152
G-11
63.3
0.95
56.00
0.067
G-12
59.5
1.20
52.00
0.164
G-13
60.5
1.37
54.00
0.121
G-14
60.9
1.39
53.00
0.151
G-15
60.7
1.38
55.00
0.141

The method of least squares was applied to the data to fit a quadratic model for the
“% Fe precipitated” and “% Cu content” of the precipitates. The predicted models for the
two responses are given in Equations (7.1) and (7.2), with the analysis of variance (ANOVA)
results in Table 7-7. The statistical significance of the models was tested by Fisher’s F-test.
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Normally, p-values of less than 0.05 for significant terms and greater than 0.05 for
“lack of fit” are considered good to explain the statistical significance of the model. t can be
seen in Table 7-7 that significant terms in both the fitted quadratic models have very small
p-values, while p-values for “lack of fit” are greater than 0.0 in both the models. The “RSquared” values for % Fe precipitated and % Cu content of the solids were 0.

11 and

0.9729 respectively. For both the models the “ redicted R-Squared” values were in good
agreement with the “Ad usted R-Squared” i.e. the difference was less than 0.1
demonstrating the statistical significance of the models (Daniel, 1976). The model results
were plotted as 2D contour plots as shown in Figure 7.3 and Figure 7.4. The results show
that the interaction of factors A (initial ferric concentration) and B (initial H 2SO4) has
significant effect on the % Cu content of the precipitates while the interaction of B (initial
H2SO4) and C (seed) has significant effect on the % Fe precipitated (see Table 7-7, p-value
<0.05).

(7.1)

(7.2)

where,

,

and

are the initial concentrations, in g/L, for ferric iron,

sulphuric acid and hematite seed, respectively.
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Table 7-7 Analysis of variance for the fitted quadratic models.
% Fe precipitated
% Cu content
Source Sum of * Mean
F
p-value Sum of
Mean
F
p-value
df
df*
Squares
Square Value Prob> F Squares
Square Value Prob> F
Model 5578.98 5 1115.80
A-Fe 2531.87 1 2531.87
B-H2SO4 1512.89 1 1512.89
C-Seed 1366.95 1 1366.95
AB
BC
458.45 1 458.45
2
A
C2
67.93 1 67.93
Residual 50.24 9 5.58
Lack of
48.24 7 6.89
Fit
Pure
2.00 2 1.00
Error
Correcte
5629.22 14
d- Total
*
df=degree of freedom.

199.90
453.59
271.04
244.89

<0.0001
<0.0001
<0.0001
<0.0001

0.77
0.047
0.12
0.20
0.054

6
1
1
1
1

0.13
0.047
0.12
0.20
0.054

126.66 <0.0001
45.74 0.0001
117.56 <0.0001
194.17 <0.0001
53.48 <0.0001

12.17 0.0068

0.006
0.11
0.008

1
0.006
6.07 0.0391
1
0.11
103.52 <0.0001
-3
8 1.017x10

6.89

0.008

6 1.279x10-3 5.50

82.13 <0.0001

0.1325

0.1617

4.647x10-4 2 2.323x10-4
0.78

14

Figure 7.3(a) contour plot shows that in the presence of 15 g/L initially added H 2SO4,
6 g/L Fe3+ and 0.0 g/L seed about 35 % of the iron is precipitated in 1 hour. However, by the
addition of 15 g/L seed under the same conditions this amount increases to about 75 %. The
presence of hematite seed increased the precipitation kinetics (by lowering the critical
energy for nucleation) as well as the proportion of iron precipitated as hematite
(mineralogy of the precipitates is discussed later in section 7.9). In the presence of higher
amounts of initially added ferric, the amount of iron precipitation again decreased, see
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Figure 7.3(b) and (c). This decrease is due to generation of acid by the hydrolysis of excess
ferric in the system, which in fact increases the equilibrium ferric concentration of the
solution. The initial and final H2SO4 concentrations of each experiment are given in Table
7-8.

Figure 7.3 2D contour plots for the interaction effect of initial H2SO4 and seed
concentrations on % Fe precipitation: (a) initial Fe3+ = 6.0 g/L; (b) initial Fe3+ = 10.5 g/L; (c)
initial Fe3+ = 15 g/L.
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Figure 7.4(a) shows that increasing acid concentration from 0 to 15 g/L decreases
the Cu content of the precipitates from about 0.8 % to about 0.4 %. Figure 7.4(b) and (c)
show that addition of seed further reduces the copper content of the precipitates.
Comparison between Figure 7.4(b) and (c) shows that difference between % Cu content of
the precipitates for medium and high levels of seeding is not significant (even though the
solids are diluted with higher amount of seed which does not take Cu). It was observed that
seed itself does not result in the copper loss in the absence of fresh precipitates. After
necessary correction for the dilution effect of seed, the Cu/Fe ratio of the fresh precipitates
is plotted in Figure 7.5. The presence of hematite seed promotes the precipitation of
hematite relative to other iron bearing species, which in fact reduces the copper content of
the precipitates as seen in Figure 7.5. Figure 7.5(a) and (b) show that presence of high acid
low ferric and medium seed levels generates the precipitates with least amount of copper
to the solids. However, high seed levels, as shown in Figure 7.5(c), did not improve the Cu
uptake of the precipitates. For a constant ferric concentration of solution, higher seeding
levels provide more surface area for surface nucleation, which result in more surface
nucleation sites and less growth. XRD analysis of the precipitates for high seeding level
detected two generations of hematite: one with well crystallized narrow peaks and the
other nanoscale with broad diffused peaks. The more probable explanation seems that the
new nuclei are formed and some of the newly precipitated material was present as distinct
separate particles. This observation suggests that during the precipitation event a first burst
of nuclei is formed by homogeneous nucleation which drops the supersaturation level and
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thereafter surface growth i.e. surface nucleation becomes the dominant mechanism.
Because of the fine sizes of the initially formed nuclei, larger seed particles grew
preferentially and the fine fractions remained mainly as separate particles.

Figure 7.4 2D contour plots for the interaction effect of initial H 2SO4 and initial Fe3+
concentrations on % Cu content of precipitates: (a) seed = 0.0 g/L; (b) seed = 7.5 g/L; (c)
seed = 15 g/L.
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The mechanism as pointed out in Chapter 6 i.e. high seeding levels result in higher
secondary nucleation rate, collisions (i.e. crystal-crystal contact) may also contribute to the
fine fractions by defragmentation of the newly deposited crystals. Particle size distribution
of the precipitates is compared in Figure 7.6. The presence of fine fractions (0.8-3 µm) and
bimodal particle size distribution for high seeding levels further supports the behaviour
observed by XRD. These observations are consistent with Hutchison and Phipps (1977) and
Claassen and Sandenbergh (2006). These authors also observed a similar trend for high
seeding levels in their system.

It was difficult in this study to differentiate the individual effect of the factor A
(initial Fe3+) due to the fact that more acid is generated at higher ferric concentrations,
which is confounded with the effect of factor B (initial H2SO4). Therefore, instead of the
individual term ‘A’ the interaction term AB (initial ferric and H2SO4) is more important for %
Cu loss to the precipitates. A decrease in the copper content of the precipitates at higher
acid concentrations, as seen in Figure 7.5(a) – (c), is attributed to an increase in equilibrium
ferric concentration of the solution (lower supersaturation) leading to a slower nucleation
rate, which results in larger particles and relatively lower adsorption of divalent ion, see
Figure 7.7 and Figure 7.8. These figures show that at lower initial acid concentrations rapid
homogeneous nucleation occurs which results in the generation of a large number of fine
particles at once. However, at higher initial acid concentration fewer nuclei are formed at
first which further grow to large particles as seen in Figure 7.8. Ruiz et al., (2007) also
observed an increase in the particle size of precipitates at higher acid concentrations.
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Figure 7.5 Cu/Fe ratio (%Cu/%Fe x 100) of precipitates for the interaction effects of initial
H2SO4 and initial Fe3+ concentrations: (a) seed = 0.0 g/L; (b) seed = 7.5 g/L; (c) seed = 15 g/L.
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Table 7-8 Initial and final conditions of the solutions and X-ray structure of the
precipitates.
Fe (g/L)
Cu (g/L)
H2SO4 (g/L)
Experiment
Solid phase
No.
precipitated*
Initial
Final
Initial
Final
Initial
Final
F-1
15
6.2
30
29.3
0
22.7
H
F-2
15
4.0
30
28.8
0
29.2
H
F-3
15
13.1
30
29.8
15
19.1
H+V
F-4
15
7.3
30
29.5
15
34.5
H
F-5
6
5.0
30
29.8
15
17.6
H
F-6
6
0.58
30
29.9
0
14.6
H
F-7
6
0.29
30
29.7
0
15.2
H
F-8
6
1.0
30
29.7
15
27.9
H
G-1
6
2.3
30
29.8
15
24
H
G-2
15
9.6
30
29.5
7.5
21.3
H
G-3
6
1.6
30
29.5
7.5
20.3
H
G-4
15
11.5
30
28.9
15
24.2
H
G-5
15
7.9
30
27.5
0
18.2
H+V
G-6
10.5
9.4
30
29.6
15
18
H
G-7
10.5
6.3
30
28.8
7.5
19.6
H
G-8
6
1.3
30
27.8
0
12.5
H+G
G-9
6
0.6
30
28.4
0
14.2
H
G-10
10.5
3.5
30
29.3
7.5
26.1
H
G-11
10.5
5
30
29.7
15
28.4
H
G-12
15
5.5
30
29.3
0
23.2
H
G-13
10.5
4.8
30
29.5
7.5
22.5
H
G-14
10.5
4.6
30
29.4
7.5
22.8
H
G-15
10.5
4.7
30
29.7
7.5
22.3
H
*
H = Hematite, V = Volaschioite, G = Goethite
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Figure 7.6 Particle size distribution of the seed and precipitates for different seeding levels.

Figure 7.7 SEM images of the precipitates: (a) 0.0 g/L initial H2SO4; (b) 15 g/L initial H2SO4.
Other conditions: 6 g/L Fe3+, 30 g/L Cu2+, 1 hr, 150 °C.
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Figure 7.8 Particle size distribution of the precipitates: (a) 0.0 g/L initial H2SO4; (b) 15 g/L
initial H2SO4. Other conditions: 6 g/L Fe3+, 30 g/L Cu2+, 1 hr, 150 °C.

7.7 Mechanism of Cu loss to the precipitates

Various studies (Rose and Bianchi-Mosuera, 1993; Peacock and Sherman, 2004;
Chen and Li, 2010, Grover et al., 2012) have shown the adsorption of Cu2+ on fine particles
of hematite. Peacock and Sherman (2004) described the adsorption of Cu2+ by considering
surface complexes

on the hematite particles, see Figure

7.9. Unpaired bonds at the surface of hematite create a localized electric field. Electric
potential further increases if the particles approach nanosize (typically < 7 nm, because of a
decrease in the symmetry of the bonding environments on the smaller particles relative to
the larger particles), resulting in relatively higher uptake of the cations (Madden et al.,
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2006). However, Tombácz et al., (2004) suggested that at lower pH values, where activity of
proton is high, protonation

of the

surface sites of the hematite particles takes place. These positively charged protonated sites
are complexed with negatively charged

in the solution. This mechanism leads to

hematite with relatively higher sulphate content. Charge reversal of the surface sites takes
place when the

adsorption capacity of the hematite is reached making the surface

suitable for cation uptake.

Figure 7.9 Hypothetical model cluster for Cu2+ sorbed to hematite (with modification from
Peacock and Sherman, 2004).

On the other hand, substitution of Cu2+ into the hematite structure can serve as
another means of copper loss to precipitates. Cu2+ and Fe3+ have a large difference in ionic
radii (0.073 and 0.0645 nm respectively) and can cause charge neutrality issues when
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replacing the other. However, in highly acidic environments Cu 2+ can replace Fe3+. This is
suggested to be due to the fact that charge balance is achieved by uptake of protons on the
particle surface and an enlarged cell parameter

is observed due to the Jahn-Teller effect

of copper ions in the hematite structure (Cornell and Schwertmann, 2003).
It is of further interest to study the exact mechanism of copper loss to the
precipitates by using a combination of techniques such as: X-ray absorption fine structure
spectroscopy (XAFS), XRD and TEM.

7.8 Optimum parameters

Figure 7.3 and Figure 7.4 show that, in the absence of seed, if the target is set to
achieve maximum “% Fe precipitation” lower acid levels should be used but if the target is
to reduce the % Cu content of the precipitates, higher acid levels will be favorable. Hence,
both targets cannot be achieved at the same time. However, in the presence of moderate
amounts of seed, Cu loss can be minimized with moderate to high iron precipitation levels
from the acidic media. For example, Figure 7.3(a) and Figure 7.4(b) show that in the
presence of 15 g/L initially added H2SO4, 7.5 g/L seed and 6 g/L initial Fe3+ about 60 % of the
iron is precipitated with < 0.1 % Cu content of the precipitates. Under the same conditions
but in the absence of seed about 35 % iron is precipitated with about 0.45 % Cu content of
the precipitates. The predicted models and contour plots suggest that the presence of a
high acid and moderate seeding produces best results. As discussed earlier, the high acid
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environment creates low supersaturation (because of higher equilibrium ferric solubility in
acid) and results in slower nucleation rate or prefers particle growth over nucleation,
resulting in relatively coarser particles as shown in Figure 7.7 and Figure 7.8. Demopoulous
(2009) and Claassen and Sandenbergh (2006) have described the effect of supersaturation
on particle growth and product quality in detail.

7.9 Phase analysis of the precipitates

The precipitation products generated under different experimental conditions were
analyzed by XRD and the X-ray structures of the solid phases are given in Table 7-8.
Hematite was the dominant phase in all cases. However, under certain experimental
conditions

the

precipitates

contained

certain

amounts

of

either

Volaschioite

(Fe4(SO4)O2(OH)6.2H2O) or goethite. The restriction of Volaschioite to samples F-3 and G-5
and goethite to G-8 alone shows that these are precipitated only under the conditions of
high or zero initial acid concentrations, respectively, and only in the absence of hematite
seed. The quantitative powder diffraction analysis of the precipitates, in this study, showed
the precipitates to consist of about 10 – 15 % amorphous phase when retention time was ≤
4 hour or when hematite seed was absent. The kinetic stability of amorphous phase, despite
its thermodynamic instability in the domain of hematite was attributed to the short
retention times used.
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7.10 Conclusions

The statistically designed experiments successfully identified the significant factors
and their interactions affecting the “% Fe precipitation” and “% Cu content” of the
precipitates. The factors: initial ferric and H2SO4 concentrations were found to have
significant effect on “% Cu content” in the solids while the factors: initial ferric H 2SO4
concentrations, retention time and seed were identified by fractional factorial design to be
the important factors for the “% Fe precipitation”. The factors: initial ferric, H2SO4 and seed
were further studied at three levels using a Box-Behnken design and the data was used to
create contour plots. Mathematical models for “% Fe precipitated” and “% Cu content” of
the precipitates were developed by fitting the data to quadratic models. The predicted
models were successful to explain the factors and their interactions which maximize “% Fe
precipitation” and minimize “% Cu content”. The results can be applied to improve the
existing processes as well as for those being in the development stages. However, care
should be taken to use the predicted models and contour plots for the conditions outside
the range of conditions used in this study.
The data show that the presence of high acid and moderate amount of seed are the
more suitable conditions to minimize % Cu content of the solids with moderate to high
levels of % Fe precipitation. The results also show that the supersaturation and the
nucleation to growth ratios determine the final product quality i.e. the final particle size and
Cu and SO42− content of the precipitates. High acid concentrations create a low
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supersaturation environment which results in slower nucleation rate and prefers particle
growth. The presence of a certain amount of seed was always beneficial for the two
responses. However, high seed levels resulted in more fine fractions in the final product.
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Chapter 8. Precipitation kinetics and effect of impurities

8.1 Introduction

It has been discussed in Chapter 6 and Chapter 7 that the rate of precipitation
affects the particle size of the solid product and its copper uptake. Secondly, knowledge of
precipitation rate can help to manipulate the process characteristics inherently related to
the kinetics. In this chapter precipitation experiments were carried out to study the effect of
different variables on the rate of iron precipitation. Several factors, which either increase or
impede the iron precipitation rate, such as: H2SO4, time and seed concentration were
studied.
Sulphide concentrates fed to the autoclave are usually not pure and may contain
significant amounts of other elements such as As, Al, Mg and Na which are leached along
with the target metal. The presence of these elements can also affect the iron precipitation
step. Therefore, the effect of the presence of these elements on the nature of precipitation
product and precipitation rate was also investigated. It has been seen in Chapter 6 that the
presence of chloride accelerates the precipitation kinetics; secondly the beneficial effect of
chloride on leaching kinetics has also been discussed in Chapter 6. In these experiments
chloride concentration was kept constant at 11 g/L Cl‒.
Despite numerous studies on the hydrolysis of ferric sulphate solutions (Dutrizac and
Chen, 2009, 2011; Umetsu et al. 1

; Tozawa and Sasaki 1 8 ; Vӧigt and Gobler 1 8 ;
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Posnjak and Merwin, 1922), there is not much data for the kinetic effect of the parameters
on iron precipitation under medium temperature conditions from sulphate-chloride
solutions. This study focuses on how certain factors affect the precipitation kinetics and the
solution conditions which cause those effects.
Precipitation of hematite at elevated temperature from pure ferric chloride
solutions (Riveros and Dutrizac, 1997), ferric nitrate solutions (van Weert and Shang, 1993;
Shang and van Weert, 1993) and ferric sulphate solutions (Dutrizac and Chen, 2009, 2011,
Ruiz et al., 2007) has been studied in the past. However, there is not much data available for
the mixed sulphate chloride system under medium temperature conditions, except for the
work done by Dutrizac and Chen (2009). The simultaneous presence of sulphate and
chloride in the solution makes the system more complex because an abundance of species
can form. In the literature outside hydrometallurgy (Knight and Sylva, 1974; Murphy et al.,
1976; Sapieszko et al., 1977; Dousma et al., 1978, 1979; Flynn, 1984; Grundl and Delwiche,
1993 and Diz et al., 2006); precipitation kinetics and product type have been linked to the
solution species and how they form monomer, dimmers and polynuclear complexes or large
polymers and ultimately colloid sized particles. These mechanisms are greatly affected by
the presence of various types of ions and solution temperature. It is not the goal of this
study to carry out speciation studies of the system under consideration. However, the
speciation knowledge from the literature, where necessary, will be applied to explain
certain behaviours observed.
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8.2 Experimental work

Reagent

grade

chemicals

(CuSO4·5H2O,

Fe2(SO4)3·7H2O,

LiCl,

Na2SO4,

Al2(SO4)3·18H2O, As2O5·0.5H2O, MgSO4) and de-ionized water (10 MΩ) were used for all the
experiments. The experiments were carried out using a 2 litre Parr autoclave with 1 litre of
solution contained in a glass liner (24.7 x 9.65 cm). Experiments were carried out using the
same procedure as outlined in Chapter 6.

8.3 Results and discussion

8.3.1 Effect of acid on hydrolysis rate

The effect of various initial H2SO4 concentrations on the hydrolysis of ferric ion for
longer retention times is shown in Figure 8.1. Figure 8.1a and Figure 8.1d respectively show
that in the presence of 13 g/L initial H2SO4 the equilibrium is reached after about 6 hours.
However, at 27 g/L initial H2SO4, equilibrium is not reached even after 12 hours. The slower
hydrolysis rate for higher acid concentrations is evident in Figure 8.1a and Figure 8.1d by
comparison between solid and dashed lines.
During the rst

35 minutes (i.e. time=0) required to heat the autoclave to the

required temperature (150 °C), only a small amount (3 – 10 %) of iron was precipitated (i.e.
most of the iron remained in the solution)
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At any time “t”, during hydrolysis, the ferric concentration in the final solutions can
be expressed in the form of an exponential relationship given in Equation (8.1):
(8.1)
where

represents the time when the contents in the autoclave reach the

reaction temperature 150 °C,

is the ferric concentration at any time

equilibrium ferric concentration and

and

,

is the

are constants.

Figure 8.1 Relationship between Fe3+ in final solutions and retention time for different initial
acid concentrations: a) 13 g/L, b) 17 g/L, c) 22 g/L, d) 27 g/L initial H 2SO4. Dotted lines show
the equilibrium values for the acid present, calculated using Equation (8.2). Other
conditions: 6 g/L Fe3+, 30 g/L Cu2+, 11g/L Cl‒, 150 °C.
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The equilibrium ferric concentration

is a function of final H2SO4

concentration of the solution. It was determined by carrying out experiments at different
acid concentrations for long retention times (48 hours). It was assumed herein that
equilibrium was established after 48 hours. When equilibrium was established in different
acid concentrations, the relationship between the final acid and final iron concentration of
solutions resulted in a straight line in the

–

plot as shown in Figure 8.2. The

relationship based on the least square fit of the data is given in Equation (8.2). This equation
can be used to determine the equilibrium ferric concentration for the hematite
precipitation reaction.
(8.2)
where

and

are the final ferric and sulphuric acid concentrations,

respectively, in g/L.
After finding the equilibrium ferric concentration (

), the data in Figure 8.1 was

fitted to Equation (8.1). By using the method of least squares the constants A and B of
Equation (8.1) were determined for different acid concentrations and are given in Table 8-1.
The hydrolysis reaction rate (

) was determined using the power law given in

Equation (8.3) (Cheng and Demopoulos 2004; Sӧhnel and Garside 1

2).
(8.3)

On a

scale it can be written as Equation (8.4).
(8.4)
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where

is in

,

is the kinetic constant with units “per hour” and

is the

reaction order.
By differentiating Equation (8.1) with respect to time, the hydrolysis reaction rate at
any time

can be expressed as shown in Equation (8.5).

(8.5)
at time

it becomes as given in Equation (8.6).

(8.6)
at time

was determined for different acid concentrations using values of

A and B and it was plotted against

, see Equation (8.4). The plot resulted

in a straight line as shown in Figure 8.3. The slope of the line was equal to the reaction
order “ ” which was found to be approximately equal to 1. By using the values of the
, the kinetic constant

and

was determined and was found to be “

”. Hence, the final rate equation for the hydrolysis of ferric iron can be
expressed as Equation (8.7):
(8.7)
It should be noted that there are various sources of error during the calculations of
. Secondly, the reaction order cannot be confirmed because of the acid generation and
change in equilibrium ferric concentration as the hydrolysis reaction proceeds. Therefore,
due to the higher errors associated with the determination of the rate constant, it only
represents an approximate value. However, it is still useful to predict the precipitation rate.
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For example, in the presence 15 g/L initial H2SO4, the equilibrium ferric
concentration calculated using Equation (8.2) turns out to be 0.37 g/L. If an experiment is
designed with 6 g/L initial Fe3+ and 15 g/L initial H2SO4, Equation (8.7) suggests the
precipitation of about 42 % iron in an hour which is in reasonably good agreement with the
45 % iron precipitation as observed experimentally, under the same conditions in Chapter 6,
Figure 6.1.

Figure 8.2 Log – Log plot for the determination of equilibrium ferric concentration: Other
conditions: 6 g/L Fe3+, 30 g/L Cu2+, 11g/L Cl‒, 48 hr, 150 °C.

Table 8-1 Values of constants A and B obtained from least square fitting of Equation
(8.1), for the experiments carried out at various initial acid concentrations.
Initial H2SO4 (g/L)
A
B
13.0
3.67
0.750
17.0
3.02
0.870
22.0
2.14
0.910
27.0
1.33
0.910
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Figure 8.3 Log – log plot for the determination of reaction order (α).

8.4 Effect of impurities

The presence of Mg and Na increased the amount of iron precipitation while Al and
As decreased the extent of iron precipitation from the system containing 6.0 g/L Fe3+, 15.0
g/L H2SO4, 11.0 g/L Cl‒, 30.0 g/L Cu2+ at 150 °C and 1 hour retention. The behaviour of
arsenic was noticeably different from other elements. Figure 8.4 shows that in the absence
of arsenic about 45 % of iron is precipitated. Addition of small amounts of As (< 500 mg/L
As5+) impeded the iron precipitation to a significant extent. In the concentration range (50 –
500 mg/L As5+) less than 10 % of iron was precipitated. The % iron precipitation remained
less than 10 % even when the retention time was increased to 4 hours or when 15 g/L
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hematite or scorodite seed was employed. However, in the concentration range (0.5 – 2 g/L
As) the % Fe precipitation increased and resulted in the precipitation of scorodite.
In the simultaneous presence of sulphate, arsenate and chloride in the system,
arsenate-ferric complexes are more stable, with
< 1 having a

value of (

) compared to

as the dominant species at pH
and

(Welham et al., 2000). The lower iron precipitation rate for
initial arsenic concentrations (< 500 mg/L) may be attributed to the lower concentration of
polymeric species in the solution which are responsible for nucleation and growth of
scorodite. Once the precipitation starts there are not enough supply units in the solution for
the formation of more scorodite nuclei or the growth of the existing nuclei. At higher
arsenic concentrations (> 500 mg/L) the supply to the growth units increases (i.e.
monomers and dimers combine to produce enough polymers) resulting in a higher
precipitation rate. However, the exact mechanism of how arsenic affects the precipitation
behaviour is not completely understood and needs further investigation. Droppert (1996)
and Singhania et al. (2006) also observed a similar effect of arsenic on iron precipitation for
higher ferric to arsenic ratios (Fe:As 2) or low arsenic levels under atmospheric conditions.
These authors were also of the opinion that the retardation of precipitation is related to the
solution speciation and complexation. However, the details of the speciation were not
discussed.
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Figure 8.4 Effect of arsenic concentration on % Fe precipitation; for the experiments carried
out for 1 hr at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L Cl‒ and
30.0 g/L Cu2+.

As the effect of Na on iron precipitation from acidic solutions is well understood
(Dutrizac, 1987), the results shown here are more for the comparison purposes i.e. the rate
of % Fe precipitation. Figure 8.5 shows that nearly complete (> 95 %) iron precipitation can
be achieved in 1 hour in the presence of Na but the precipitation product is Na-jarosite
instead of hematite.
An increase in iron precipitation in the presence of Mg added as MgSO4 (Figure 8.5)
is due to the formation of bisulphate

by the extra sulphate added to the system,
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which results in a decrease in the activity of the hydronium ion (i.e. pH increase). Similar
behaviour was observed when Mg in the solutions was replaced with Cu. Umetsu, et al.
(1977) and Tozawa and Sasaki, (1986) also observed the formation of bisulphate and shift in
the upper limit of free acid for hematite precipitation.
A decrease in the extent of iron precipitation in the presence of Al (Figure 8.5) is due
to formation of Al complexes in the solution e.g. Al(OH)2+, Al(OH)+2 etc. which increase the
hydronium ion activity (i.e. pH decrease).
Figure 8.6 and Figure 8.7 show the composition of the product in the in the presence
of As and Na, respectively. The compositions are typical of scorodite and Na-jarosite.
Precipitation of scorodite or Na-jarosite resulted in higher Cu uptake, see Figure 8.6 and
Figure 8.7.
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Figure 8.5 Effect of Al, Na and Mg on iron precipitation: for the experiments carried out for
1 hr at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L Cl‒ and 30.0 g/L
Cu2+.

Figure 8.6 Effect of arsenic on the composition of the precipitates; for the experiments
carried out for 1 hr at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L
Cl‒ and 30.0 g/L Cu2+.
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Figure 8.7 Effect of sodium on the composition of the precipitates; for the experiments
carried out for 1 hr at 150 °C in the system containing 6.0 g/L Fe3+, 15.0 g/L H2SO4, 11.0 g/L
Cl‒ and 30.0 g/L Cu2+.

8.5 Conclusions

Ferric hydrolysis and hematite precipitation kinetics were affected by the amount of
initial acid, hematite seed and the presence of other cations or anions such as: As5+, Al3+,
Na2+, Mg2+ and SO42−. Low levels of arsenic (< 500 mg/L) significantly retarded the ferric
precipitation reaction. However, higher arsenic levels (> 500 mg/L) increased the
precipitation rate and resulted in the precipitation of scorodite. Presence of higher amounts
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of the sulphate salts of Mg and Cu increased the extent of ferric precipitation due to the
formation of bisulphate (i.e. decreasing H+ activity). Precipitation kinetics was much faster in
the presence of Na, but this lead to the precipitation of Na-jarosite instead of hematite.
Presence of sulphate salt of Al decreased the extent of ferric precipitation due to its
complexing behavior i.e. release of proton by aqueous complex formation.
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Chapter 9. Summary and future work

9.1 Summary

Detailed conclusions have been drawn at the end of each chapter. In this chapter the
overall conclusions and suggestions for future work are briefly summarised. The work in this
thesis mainly consisted of three parts. 1) Characterization of the residue from the CESL and
Vale medium temperature hydrometallurgical processes for the quantification of poorly
crystalline phases and associated metal loss. 2) Use of simulated process solutions to
determine the optimum conditions for hematite precipitation with minimum metal loss to
the precipitates, using conventional one variable approach and statistical design of
experiments. 3) Effect of various impurities on the precipitation behaviour of iron and the
precipitation kinetics.

9.1.1 Characterization of CESL and Vale leach residues

Residue samples from CESL and Vale medium temperature hydrometallurgical
processes contained a significant portion of amorphous or poorly crystalline and metastable
iron oxides phases. These phases controlled the properties of the residue and contained a
high loading of the valuable (Cu, Ni) metals. Residues samples were characterized by using a
combination of characterization techniques. Poor agreement between total Fe analysis by
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ICP-OES and QXRPD indicated the presence of amorphous iron oxides phases. It was
determined that amorphous iron oxide phases were the major source of Cu and/Ni loss to
the residue. Distribution of Cu and Ni into amorphous and crystalline iron oxide phases was
determined by a two stage sequential extraction process. Association of Cu and Ni to the
amorphous iron oxide phases was found to be approximately 2-4 times higher than the
crystalline iron oxide phases. The amorphous iron oxide phases determined by QXRPD and
sequential extraction were in good agreement; see section 4.2.4 (Table 4-4). In general the
techniques used in this study i.e. QXRPD and sequential extraction can be used to
determine total X-ray amorphous content and amorphous iron oxide phases in the
scenarios where routine XRD fails to provide true quantification of the phases.

9.1.2 Simulated process solutions

Simulated process solutions were used to establish the relationship between the
precipitation product and copper loss to the precipitates. In the first stage, one variable
approach i.e. variation of one variable at a time while keeping all others constant was used
to study the effect of various process parameters on % Fe precipitation and % Cu in the
solids. The variables were studied over a broad range. The variables and their ranges which
resulted in maximum amount of hematite with minimum amount of Cu to the precipitates
were selected for further investigation. Fractional factorial design methods were then
applied, where several variables were changed simultaneously. The results of one variable
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approach showed that the factors: initial ferric concentration, initial acid concentration,
retention time, initial chloride and seed concentrations were the important factors
governing the iron precipitation and associated copper loss to the precipitates. The results
of the factorial design experiments showed that the factors: initial ferric and H 2SO4
concentrations and the same two along with retention time and seed have more significant
effects on “% Cu content” and “% Fe precipitation”, respectively. Further screening of the
significant factors by using a Box-Behnken design showed that the factors: initial ferric,
H2SO4 and seed concentrations have the largest effect on “% Cu content” and “% Fe
precipitation” of the precipitates. By controlling these factors iron can be rejected in the
form of a stable phase with minimum associated metal loss. Box-Behnken results showed
that for a given ferric level i.e.

g L initial ferric in the solutions higher acid levels ( 1 g L

H2SO4) and moderate amount of seed (7.5 g/L) were the most suitable conditions to
minimize % Cu content of the solids with moderate to high levels of Fe precipitation. For a
fixed ferric level in the solution, higher acid concentrations resulted in lower
supersaturation and promoted particle growth over nucleation which in turn resulted in a
decrease in the Cu content of the precipitates. The results clearly showed that a low
supersaturation environment with a moderate amount of seeding significantly improved
the product quality in terms of % hematite and % Cu content in the final product. In the
existing processes either supersaturation is not controlled or the amount of seed is too high
(which in fact results in higher fine fractions in the residue) and resultantly the residue has a
broad range of particle size distribution. Mathematical models for “% Fe precipitated” and
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“% Cu content of precipitates” were predicted by fitting the data to quadratic models. The
predicted models can be used for an estimation of the iron precipitation and copper loss if
the process starting conditions are known. However, care should be taken to use the
predicted models for the conditions outside of the range used in this study.
The presence of chloride in the solution accelerated precipitation kinetics and
promoted the precipitation of iron oxides over iron hydroxy sulphate phases. This in turn
produced precipitates with lower sulphate content. The presence of the sulphate salts of
the metals such as: Mg and Cu increased the extent of precipitation, while the sulphate salts
of the metals with extensive hydrolysis nature such as aluminum decreased the extent of
precipitation. The presence of sodium and arsenic in the solution changed the precipitate
nature completely from hematite to hydronium jarosite and scorodite, respectively.
However, the presence of sodium ion in the system accelerated the precipitation kinetics
and almost all (> 95 %) of the iron was precipitated in about an hour of retention at 150 °C,
but the product was sodium jarosite. The presence of low levels of arsenic (As:Fe ≤ 0.08)
severely retarded the precipitation rate and only about 5 % of the initially present iron was
precipitated in 1-4 hours of retention and even in the presence of 15 g/L hematite or
scorodite seed.
A comparison of the HaHC soluble Fe and Cu from the CESL and Vale leach residue
samples, characterized in this study, and selected hematite precipitates made using
simulated process solutions is provided in Figure 9.1. It is clear from Figure 9.1 that a
significant amount of the target metal can be saved from deporting to the residue by
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controlling the process variables and iron precipitation chemistry. Secondly, by controlling
the process parameters iron can be rejected to the residue in an environmentally stable
form.

Figure 9.1 Comparison of HaHC dissolved iron and copper for the leach residue samples: S1,
S2, S3 and hematite precipitates (H.P) made in this study.
Note: The Cu, Fe percentages for the hematite precipitates (H.P) leached by HaHC represent
the average values of three selected precipitates made at 150 °C, 1 hour, 12.5, 15, 20 g/L
initial H2SO4, 11.0 g/L Cl−, 30.0 g/L Cu2+ and 6.0 g/L Fe3+.

If control of the process parameters does not limit copper deportment to the
residue, then residue treatment to liberate copper seems to be an alternative. The
association of copper with amorphous/poorly crystalline iron oxide phases in the CESL
residue suggests that a low temperature (< 350 °C) treatment would be enough to liberate
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copper form the amorphous iron oxide phases in the residue. This is because of the fact that
most of the amorphous iron oxide phases, present in the leach residue samples, were found
to have transformation temperatures in the range 200-350 °C, see Chapter 5 for more
details. Ward (2015) found that a prolonged low temperature (95 °C) water aging of the
CESL residue can result in recovery of about 22 % of total copper in the residue. However,
this technique resulted in only partial transformation of amorphous iron oxide phases and
was not suitable to liberate copper from most of the amorphous and nanoscale crystalline
iron oxides.
The results in this thesis clearly demonstrate: what factors are responsible for higher
valuable

metal

loss

to

the

residues,

generated

under

medium

temperature

hydrometallurgical process conditions. How the amorphous phases and associated metal
loss can be quantified. What are the key process parameters to control the residue
characteristics. How the presence of various ions in the solution affects the extent of iron
precipitation and product mineralogy. The overall results also provide an improved
understanding of the physico-chemical nature of the iron precipitation process in the
medium temperature sulphate-chloride systems. This in fact answers the aims of the thesis
as outlined in Chapter 3.

9.2 Recommendations for future work

Future work that may advance the knowledge of the subject in the thesis is
proposed below.
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1. A chemical model for the speciation in the system Fe (III)-H2SO4-Cu (II)-Cl at 150 °C that
should be able to calculate the hydrogen ion activity and corresponding pH at a given
ionic strength and temperature is needed to better understand the changes in the
equilibrium relationships between the species in the system. The model can be further
extended to accommodate the high ionic strength caused by the metals which are
leached along with iron and copper from the ore concentrates during the medium
temperature leaching process.
2. Characterization of the precipitates made in this study showed that the precipitates are
contaminated with a significant amount of amorphous phase under short retention
times. The exact nature and distribution of the amorphous phase can be determined by
using the sophisticated techniques such as: extended X-ray absorption fine spectroscopy
(EXAFS) and X-ray absorption near edge structure (XANES). The hematite produced in
this study also contained a significant amount of sulfate (3-4 %). Advanced
characterization techniques as mentioned above can also be applied to determine the
distribution of sulphate into the hematite precipitates.
3. In this study the precipitation behavior was studied by starting with ferric iron.
Hydrolysis of ferric ion is an integral step of the ferrous oxidation-precipitation process.
Further work can be done by starting with ferrous iron to shed light on the precipitation
behavior and product nature. The oxidation of ferrous in highly acidic environment is
difficult compared to low acid environments. It will be worth examining the effect of
ferrous oxidation on solution supersaturation and product quality and particle size. Hui
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et al. (2007, 2008) suggested that the presence of ferrous ion in the solution catalysis
the dissolution of ferrihydrite to the monomers Fe(OH)2+ and Fe(OH)2+ before
transformation to goethite or hematite therefore it will be worthy to know if there is
any change in the mineralogy of the precipitates. Experiments can be designed in a
similar fashion as the factorial design methods used in this study.
4. The hematite product produced in one experiment can be recycled as seed for the next
experiments for at least 10-20 cycles to assess any changes in the product quality and
sulphate uptake.
5. It was observed in this study that about 0.1-0.8 % copper is lost with the hematite
precipitation product. However, it was not clear whether the copper loss occurred
through adsorption or incorporation into the hematite structure. The exact mechanism
of copper loss to the precipitates can be confirmed by synchrotron based radiation
techniques such as X-ray absorption spectroscopy (XAS).
6. Batch reactors encounter variable supersaturation environment and are not good for
supersaturation control. A constant supersaturation autoclave can be designed to keep
control on the supersaturation levels with the progress of precipitation reaction.
7. The results in this study showed that the presence of low levels of arsenic in the solution
significantly retard the iron precipitation. However, the exact mechanism responsible
for this behavior was not clear. Further investigation to the mechanism can be carried
out by carrying the solution speciation study and expanding the experiments over a
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wide arsenic concentration range. The results can be augmented by replacing the ferric
ion with ferrous ion.
8. The leach residues containing amorphous iron oxide phases from medium temperature
conditions can be treated at higher temperature ( 2 0 C) to liberate copper from the
residues. Further, residue from the copper smelting (i.e. slag) can be treated to liberate
copper and a benchmark can be established for copper recovery from both the residue
types.
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Appendices

Appendix A. Rietveld refinement

In Rietveld phase analysis method it is considered that:

where

is the weight percent of phase as obtained by Rietveld method.

When a certain percent of a material is leached from the sample, the weight percent of the
remaining phases increases therefore it should be normalized to take into account the
leached materials, as follows:

where

is the renormalized weight percent of , and

is the phase leached; thus the new

weight percent can be written as:
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Appendix B. Transformation applied to % Fe precipitated in Figure 7.1

Often power transformations from the family

are used where

is

parameter of the transformation to be determined (e.g., = -1/2 means use the inverse
square root of the original response). This procedure uses the method of maximum
likelihood. Various values of are selected and a standard analysis of variance is performed
on:

The value of

corresponds to the log transformation and it can be shown that

. The quantity

is the geometric mean of the response data. The maximum

likelihood value for , for the fitted model, is the lowest point in the graph of residual sum
of squares

versus (Box et al., 1978). For the % Fe precipitated used in this study,

values of

for various values of are plotted in Figure 1B below. The values

are used because the range of values for
confidence interval for
sum of squares

is quite large. An approximate 95 %

may also be obtained from the graph by calculating the critical

:
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Where, is the number of degree of freedom. A line is plotted parallel to -axis at a height
on the graph of
the curve

versus . By locating the points on -axis where the

, we can read the 95 % confidence interval limits on

cuts

directly from the

graph. The values of low and high confidence interval in this study are -0.3 and 0.91,
respectively. The optimum value of in this case is 0.18 which is the lowest point in the
versus graph. As the minimum value of and zero both fall within the 95 %
confidence limit, therefore the transformation procedure is good enough to process the %
Fe precipitation data in Figure 7.1.

Figure 1B Box-Cox plot for the power transformation applied to % Fe precipitation.
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Appendix C. Box‒Behnken design

The Box‒Behnken design (Myers and Montgomery, 2002) is an independent
quadratic design to navigate response surfaces. It does not contain an embedded fractional
factorial design. The treatment combinations are at the midpoints of edges of the process
space and at the center. These designs are rotatable (or near rotatable) and require 3 levels
of each factor. The no. of experiments in this design are:
the no. of factors and and

. Where

is

is the no. of central points. The experimental data is normally

fitted to a quadratic model given below:
k

k

k

k

Y  0   i xi   ij xij   ii xii2  
i 1

where

i 1 j 1

is the response variable

i 1

is regression coefficient and

,

,

are

coefficients of the linear, interaction and quadratic terms respectively. The trem
represents the random errors. The error terms, in general, are normally distributed. The
relationship between the coded and actual factors can be written as:

where

is the actual value of the variable,

value of the variable at the central point and

is the coded value,

is the actual

corresponds to the unit variation of the

value.
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Appendix D. Assays and experimental data
Iron precipitation and copper loss data provided in Chapter 6, Chapter 7 and Chapter
8 is extracted from Tables: D-1, D-2 and D-3 respectively.
Table D-1. Assay results and experimental data used in Chapter 6.
Initial Fe
(g/L)
1.5
3.0
4.5
6.0
7.5
9.0
10.5
15.0
20.0
30.0

Precipitates Cu, Fe
and S contents
Cu
Fe
S
%
%
%
0.75 59.4 2.23
0.65 58.9 2.52
0.55 58.8 2.62
0.44 58.6 2.49
0.43 57.7 2.90
0.39 57.1 3.13
0.39 56.6 3.21
0.25 52.6 4.25
0.10 39.6 10.3
0.05 35.6 11.8

Precipitates
mass (g)

% Fe
precipitation

1.36
2.68
3.91
4.5
4.6
5.49
5.3
4.81
3.89
3.19

53.86
52.61
51.09
43.95
35.39
34.83
28.57
16.87
7.70
3.78

Initial acid
(g/L)

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

0
5
10
12.5
15
20
25
30
Initial
chloride
(g/L)
0
3
6
9
12
15
20
25
30

1.13
0.82
0.92
0.58
0.51
0.35
0.33
0.30

56.5
55.6
55.1
55.2
55.5
54.1
53.5
52.5

1.74
1.91
2.26
2.87
2.39
1.87
1.85
1.75

9.3
7.92
6.58
5.03
4.7
0.47
0.1
0.01

87.57
73.39
60.43
48.28
42.48
14.24
0.89
0.10

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

0.52
0.56
0.47
0.52
0.49
0.46
0.59
0.54
0.47

53.0
53.2
54.2
54.4
54.6
54.7
53.4
56.0
55.8

3.15
3.09
2.88
2.76
2.63
2.56
3.07
2.38
2.25

3.65
3.95
4.5
4.8
5.1
5.4
5.7
5.9
6.3

32.24
35.02
40.65
43.52
46.41
49.23
50.73
55.07
58.59

Mass
( Cu out/Cu in)
x 100

Precipitates
(%Cu/%Fe)
x 100

0.03
0.06
0.07
0.07
0.07
0.07
0.06
0.04
0.01
0.01
Mass
(Cu out/Cu in)
x 100
0.35
0.22
0.20
0.10
0.08
0.07
0.01
0.01
Mass
(Cu out/Cu in)
x 100
0.06
0.07
0.07
0.08
0.08
0.08
0.11
0.11
0.10

1.26
1.26
1.10
0.94
0.75
0.75
0.68
0.69
0.48
0.25
Precipitates
(%Cu/%Fe)
x 100
2.00
1.47
1.67
1.05
0.92
0.81
0.65
0.62
Precipitates
(%Cu/%Fe)
x 100
0.98
1.05
0.87
0.96
0.90
0.84
1.10
0.96
0.84
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Retention
time (hr)
no seed
0
1
2
4
6
8
12
Retention
time (hr)
15 g/L
seed
0
1
2
4
6

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

0.63
0.44
0.44
0.38
0.36
0.31
0.27

54.9
58.6
57.9
59.5
59.5
60.1
61.1

2.90
2.49
2.01
1.76
1.69
1.80
1.47

0.36
4.18
5.18
5.71
6.13
6.16
6.38

3.33
40.83
50
56.67
60.83
61.67
65.0

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

0.10
0.10
0.10
0.12
0.15

62.7
63.7
64.7
65
65.2

0.82
0.82
0.82
0.8
0.76

2.8
5.34
6.03
6.28
6.32

29.26
56.67
65.0
68.0
68.70

Temperatu
re (°C)

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

150
180
200
220

0.5
0.40
0.45
0.49

57.3
61.3
63.2
65.6

2.64
1.45
1.08
0.77

4.5
7.71
7.87
7.95

42.97
78.77
83.0
87.0

Initial Cu
(g/L)

Cu
%

Fe
%

S
%

Precipitates
mass (g)

% Fe
precipitation

0
10
20
30
40
50
60

0.0
0.16
0.37
0.44
0.58
0.65
0.80

54.0
54.5
55.2
58.6
56.9
57.9
57.1

3.28
3.22
3.10
2.49
2.62
2.50
2.46

0.40
1.33
3.8
5.03
5.8
5.9
6.0

3.60
12.08
34.96
49.13
55.01
56.94
57.10

Mass
( Cu out/Cu in)
x 100
0.01
0.07
0.09
0.08
0.08
0.07
0.06

Precipitates
(%Cu/%Fe)
x 100
1.15
0.75
0.76
0.64
0.61
0.52
0.44

Mass
( Cu out/Cu in)
x 100

Precipitates
(%Cu/%Fe)
x 100

0.01
0.01
0.02
0.02
0.03
Mass
( Cu out/Cu in)
x 100
0.08
0.10
0.11
0.12
Mass
( Cu out/Cu in)
x 100
0.0
0.02
0.07
0.07
0.08
0.08
0.08

0.16
0.16
0.15
0.18
0.23
Precipitates
(%Cu/%Fe)
x 100
0.87
0.65
0.71
0.75
Precipitates
(%Cu/%Fe)
x 100
0.0
0.29
0.67
0.75
1.02
1.12
1.40
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Table D-2. Assay results and experimental data used in Chapter 7.
Exp.
No
F-1
F-2
F-3
F-4
F-5
F-6
F-7
F-8
G-1
G-2
G-3
G-4
G-5
G-6
G-7
G-8
G-9
G-10
G-11
G-12
G-13
G-14
G-15

Precipitates Cu, Fe, S
content (%)
Cu
Fe
S
0.157
62.3
1.33
0.194
59.7
2.57
0.094
47.8
5.72
0.084
64.0
1.09
0.045
56.2
2.47
0.046
61.6
1.58
0.035
64.5
0.91
0.074
66.2
0.62
0.031
64.6
0.89
0.132
63.4
1.36
0.252
58.5
1.18
0.051
61.2
1.23
0.497
48.0
4.04
0.288
53.4
2.87
0.522
51.8
2.91
0.865
54.8
1.98
0.532
60.4
0.86
0.152
62.6
1.00
0.067
63.3
0.95
0.164
59.5
1.20
0.121
60.5
1.37
0.151
60.9
1.39
0.141
60.7
1.38

Precipitates
mass (g)

% Fe
precipitated

13.7
18.4
3.2
11.3
1.6
8.4
8.8
7.2
5.7
8.5
7.5
5.7
16.9
2.1
8.1
8.4
8.9
11.2
8.7
14.8
9.4
9.7
9.5

57.03
73.36
10.20
48.30
14.99
86.65
94.60
79.99
60.72
34.24
72.54
22.85
44.24
10.00
39.14
75.81
86.57
65.58
56.00
52.00
54.00
53.00
55.00

Mass
( Cu out/Cu in)
x 100
0.072
0.119
0.01
0.032
0.002
0.013
0.01
0.018
0.006
0.036
0.062
0.01
0.262
0.019
0.138
0.239
0.153
0.056
0.021
0.072
0.038
0.046
0.045

Precipitates
(%Cu/%Fe)
x 100
0.252
0.325
0.197
0.131
0.080
0.075
0.054
0.112
0.048
0.208
0.431
0.083
1.183
0.539
1.008
1.578
0.881
0.243
0.106
0.276
0.200
0.248
0.232

Table D-3. Assay results and experimental data used in Chapter 8.
Impurity

Cu

Fe

S

As

As (mg/L)
0
60
120
250
500
1000
2000

%
0.44
0.22
0.31
1.32
1.37
1.66
1.72
Cu
%
0.44
0.34

%
58.6
31.7
31.5
30.5
26.5
26.0
24.7
Fe
%
58.6
47.2

%
2.49
2.20
1.80
1.75
1.50
1.34
1.26
S
%
2.49
7.22

%
0
0.65
2.23
10.2
12.7
21.0
22.1
Na
%
0
0.53

Na (g/L)
0
0.25

Precipitates
mass
(g)
4.3
0.2
0.17
0.18
0.2
2.04
5.5
Precipitates
mass (g)
4.3
5.9

% Fe
precipitated
%
44.0
1.05
0.89
0.88
0.90
8.84
22.64
% Fe
precipitated
44.0
46.41
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Impurity

Cu

Fe

S

As

Na (mg/L)
0.5
1
2
5

%
0.19
0.28
0.51
1.14
Cu
%
0.44
0.33
0.42
0.51
Cu
%
0.44
0.60
0.58
0.77

%
38.5
38.7
37.1
36.4
Fe
%
58.6
52.4
51.8
53.0
Fe
%
58.6
51.6
51.6
51.9

%
10.4
10.3
10.7
10.8
S
%
2.49
1.72
1.93
2.24
S
%
2.49
2.39
2.23
2.23

%
1.62
1.93
2.78
3.19
Al
%
0
0.32
0.23
0.15
Mg
%
0
0.073
0.074
0.084

Al (g/L)
0
1
3
6
Mg (g/L)
0
1
3
6

Precipitates
mass
(g)
9
10.6
13.02
15.3
Precipitates
mass (g)
4.3
2.82
1.77
0.45
Precipitates
mass (g)
4.3
4.8
5.15
5.82

% Fe
precipitated
%
57.75
68.37
80.51
92.82
% Fe
precipitated
44.0
24.628
15.281
3.975
% Fe
precipitated
44.0
41.28
44.29
50.343
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