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Abstract
TECK and Vale operate their medium temperature copper and nickel sulfide concentrate leaching
processes at 150°C. “Medium temperature” is used to describe a variety of processes that operate
above the melting point of sulfur (119°C) but below the temperature where sulfur become highly
viscous (159°C).
During leaching, and depending upon various process parameters, iron (Fe) may precipitate as
hematite, goethite, jarosite or other oxyhydroxide compounds. Hematite is the favored precipitate
because it is the most environmentally (thermodynamically) stable and does not ad/absorb as much
copper (Cu), nickel (Ni), or other solution constituents during precipitation. A better understanding
of the formation and structure of these iron precipitates may elucidate key factors that would
ultimately result in lower valuable metal losses and more stable leach residues.
This thesis details the experimental work performed to clarify the conditions under which the
precipitation of highly crystalline hematite occurs during medium temperature leaching of copper
sulfide concentrates. Various process parameters at the lab scale were studied and classical, as well
as newly developed, methods to identify the optimal conditions for hematite precipitation were
employed.
Higher acid concentrations resulted in increased copper extractions and favor the formation of
hematite during concentrate leaching, rather than other metastable phases. Seeding with synthetic
hematite resulted in more crystalline residues. Furthermore, commercially available water
displacement formula ‘WD40®’ and other novel reagents (benzene sulfonic acid, phenyl
iii

phosphonic acid, decane, mineral oil) affect Fe precipitation and sulfur chemistry, leading to very
different process outcomes such as improved extractions (from 98.0 to 99.2%) and larger, more
easily separated, sulfur particles (from 20 µm to 1 mm).
The solubility of ferrihydrite (and its main transformation product, hematite) increased with
increasing acid concentration. The solid-state transformation of ferrihydrite to hematite was found
to be the major mechanism. These results indicate that the ferrihydrite formed in the CESL process
will eventually transform into hematite, but that solution potential will play an important role in
the nature of iron oxide residue. Ferrihydrite transformation was not complete within the time (60
min) that is typically used in medium temperature leaching for the simple system studied here.
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Lay summary
This dissertation investigates the reduction of undesirable copper and nickel losses during the
process of copper extraction from sulfide concentrates in autoclave pressure leaching. The losses
of copper and nickel were found to be related to the poorly formed iron oxide phase in the leach
residue. To this end, copper sulfide leaching experiments were performed in a benchtop autoclave
with various process conditions and reagent additions. Some novel reagents were shown to make
better residues by reducing the poorly crystalline iron oxide phases and thereby reducing the loss
of copper to the leach residue. The rust prevention formula ‘WD40 ®’ is one such novel reagent as
applied here. The solubility of an iron oxyhydroxide and its transformation to more stable forms
of iron was also studied. It is shown that this transformation does not occur to completion within
the time scales used in the typical extraction process.
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CHAPTER 1: INTRODUCTION
1.1

Background

Iron present in mineral concentrates typically dissolves in hydrometallurgical processes along with
the target metals of economic interest and must be eliminated from solution. This is usually
achieved by precipitation as iron oxide/oxyhydroxides. These phases, however, have an adsorptive
capacity that can prove to be disadvantageous when it results in loss of valuable metals from
process solutions (Sahu and Asselin, 2011). The iron precipitates can be metastable, difficult to
settle, thicken and filter due to poor crystallinity, nanoscale size, high surface area, and moisture
levels. Adequate iron control and removal from acidic sulfate solutions require a filterable (and
low moisture), low cost and “environmentally friendly” precipitate (Dutrizac, 1987, 1979).
Copper oxides and primary and secondary copper sulfides are the essential sources of copper. It is
easier to recover copper from copper oxides ores using hydrometallurgical methods. About 90%
of copper extraction can be obtained in only a few weeks of leaching in heaps using nothing but a
dilute sulfuric acid solution. As the copper oxide reserves continue to deplete, the heap leaching
process is being applied to secondary copper sulfide ores such as chalcocite (Cu 2S) and covellite
(CuS). These ores are dissolved with ferric sulfate. This is usually improved upon with the use of
iron-oxidizing microbes and injection of air at the base of the heap. Copper extraction from sulfide
ores takes much longer (months instead of weeks) than from oxide ores. The dissolution of primary
sulfides, on the other hand, is slow and incomplete under the same leaching conditions applied to
the secondary copper sulfides. This is a problem that needs to be resolved since primary copper
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sulfides are the main source of copper and chalcopyrite (CuFeS 2) alone accounts for about 80% of
total copper reserves (Singer, 2017).
There are, however, alternative routes to recover copper from the primary sulfides. The most
common being a pyrometallurgical route which involves concentrating via froth flotation followed
by smelting, converting and electrolytic refining. This process results in high purity cathodes of
over 99.99% copper. Copper pyrometallurgy in the past had a major disadvantage over copper
hydrometallurgy due to the production of large amounts of toxic gases (primarily SO 2) to smelt
the chalcopyrite concentrates. In recent times, modern smelters have largely overcome this
problem with the use of more efficient reactors and gas collection systems. In comparison to old
reverberatory furnace technology, modern smelters use flash fusion, autogenous bath fusion, and
oxy-fuel burner technology. These new techniques generate comparatively lower volumes of
higher strength off-gas, which are treated efficiently to produce sulfuric acid as a valuable
byproduct.
Despite all these improvements, there are other factors that have kept researchers active in the
search for a new and affordable method to treat chalcopyrite concentrates using hydrometallurgy.
The capital investment required for smelters is significant. Furthermore, smelters need to handle
large quantities of material to remain economic, and it is not clear that shipping concentrates across
the globe to a handful of large smelters will be possible in future due to regulatory changes related
to import restrictions on certain elements, such as arsenic, antimony and mercury (Fountain, 2008;
George et al., 2018; Salomon-de-Friedberg and Robinson, 2015). Indeed, the presence of these
impurities render some copper concentrates less suitable for smelting as strict regulations and
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penalties are imposed by governments and environmental agencies (Berezowsky and Trytten,
2002; Dreisinger, 2006). Furthermore, there may also be radioactive constituents to some
concentrates that preclude shipment (Ciobanu et al., 2013; Fountain, 2013; Weidenbach et al.,
2016). The high throughput requirement is also a significant disadvantage when compared to
hydrometallurgical plants, which can be built and operated on-site on a smaller scale with less
capital, and which take advantage of the selectivity inherent in hydrometallurgical operations. Onsite processing also enables the return of waste products to the mine site, avoiding potentially large
disposal costs in more-populated areas. Other concerns with smelters relate to the emission of
gases (especially fugitive emissions) as well as storage and transport difficulties associated with
the onsite production of sulfuric acid.
Cominco Engineering Services Limited (CESL) has developed a hydrometallurgical process for
base metal sulfide concentrates, notably those of copper and nickel. Defreyne et al. (2006) explain
the role of iron in this process in detail. The basis of CESL technology is the chloride assisted
medium temperature (~150oC) leaching of chalcopyrite concentrates. This process has technical
and economic advantages such as the capacity to treat a variety of sulfide concentrates including
low-grade bulk concentrates at low capital and operating costs, flexibility in terms of production
scale and the ability to recover by-products. The main advantage of the process is that it uses a
medium temperature which eliminates the need for ultrafine grinding of the chalcopyrite mineral
but still produces elemental sulfur thus minimizing oxygen consumption. Less sulfate (SO ) is
produced, so neutralization requirements are also diminished. Medium temperature leaching, such
as the CESL leach recovers between 95 and 99% copper depending on the mineralogy and the
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grade of the concentrate. The unrecovered copper represents an economic opportunity. It is in the
residue, generated during chalcopyrite leaching, that copper losses are incurred although it is
unclear as to which mechanisms are responsible for the losses.
One goal of this work is to identify the factors causing the loss of valuable metal to the leach
residues produced under the CESL conditions. This is accomplished by performing pressure
oxidation batch tests at CESL conditions in an autoclave reactor under various process conditions
to reduce the valuable metal (copper) loss to the residue.
1.2

Thesis outline

The chapters of this study are organized as follows:
Chapter 2 presents a comprehensive literature review covering all aspects of iron precipitation in
hydrometallurgical processes, leaching of sulfide concentrates, CESL and Vale processes,
hematite precipitation and nucleation theory of crystallization¸ the solubility and transformation
of ferrihydrite, hematite growth modifications and sulfur dispersing agents.
Chapter 3 defines the objectives of this study.
Chapter 4 presents the results of the characterization studies performed on leach residue samples
from the CESL and Vale. An evaluation of crystallinity and a correlation between amorphous iron
phases and associated Cu/Ni loss to the residue is established with the help of sequential extraction
and various characterization techniques including quantitative X-ray powder diffraction
(QXRPD), Transmission electron microscopy (TEM) and Mӧssbauer spectroscopy.
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Chapter 5 further extends the Mӧssbauer spectroscopy studies into synthetic jarosite. Chemical
synthesis of jarosite doped with copper and nickel was performed, and Mӧssbauer spectroscopy
was applied to evaluate the crystallinity.
Chapter 6 presents the results from pressure oxidation leaching of sulfide concentrate at CESL
condition in a benchtop autoclave. The effect of supersaturation control by varying acid
concentration and promoting nucleation and growth of hematite in the presence of seed is
discussed. This chapter also reveals the discovery of novel reagent(s) for iron and sulfur control in
the CESL process.
Chapter 7 discusses the transformation of synthetic ferrihydrite and the solubility of the
transformation product (hematite) under CESL conditions.
Finally, Chapter 8 provides a summary of the findings from this work and explores the topics for
future work required to extend the outcomes of the current results.
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CHAPTER 2: LITERATURE REVIEW
Iron is the fourth most abundant element in the earth's crust. It is believed that the earth's core
consists mainly of iron. Metallic iron occurs free in nature, but it is comparatively rare. This is
because of the readiness with which the metal is oxidized in moist air. Combined iron is
exceedingly common, occurring as it does in hundreds of minerals ˗ oxides, hydrated oxides,
carbonates, silicates, sulfides, etc. It is so common, indeed, that a vast number of minerals owe
their color to the presence of a small proportion of admixed iron compounds. Huay (1801), the
father of modern mineralogy, rightly commented that “When nature takes up her brush, iron oxide
is almost always on her palette”. Alchemists commonly used the term 'Mars' for iron; for example,
crocus martis is the name for anhydrous ferrous sulfate (FeSO4) (Mellor, 1932). Iron was essential
to the development of early life on Earth. The atmosphere was initially oxygen deficient, and iron
was present in the ferrous oxidation state (Fe(II)) in all water bodies (oceans, lakes, etc.). A few
billion years ago, photosynthetic bacteria began producing oxygen which induced the precipitation
of iron oxide/oxyhydroxides, due to the extremely low solubility of the ferric (Fe(III)) ion. After
depletion of Fe(II), the Earth’s oxygen atmosphere began to form, and this event is evidenced in
the intensely red iron oxide deposits found on several continents (Mielczarek and McGrayne,
2000). Because of oxygen, iron oxides and oxyhydroxides are everywhere in nature and impact all
scientific disciplines (Cornell and Schwertmann, 1996). In the industrial processes related to
mining and extractive metallurgy, iron is present in hydrometallurgical process liquors, waste or
acid mine drainage and must be removed from these solutions (Dutrizac, 1987; Lee et al., 2002;
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Meng et al., 2001; Qiang et al., 2003; Riveros et al., 2001; Sasowsky et al., 2000; Tufekci et al.,
2000).
Copper was the most useful metal from the beginning of recorded history until the end of the
medieval period. The use of copper marked the transition in the progress of human civilization
from the stone age to the metal age. Every ancient metal culture was introduced by the use of
copper even though gold was unquestionably the first metal to attract man’s attention owing to its
beauty, sparkling color, luster, resistance to corrosion and its native state. Iron may have been used
before copper in the form of meteorites (Rickard, 1932). Copper was used initially for ornaments,
statues, domestic utensils and implements of war. It was used for every purpose in which its
properties proved superior to other materials. When ferrous metals attained large-scale production,
their widespread use eclipsed copper. Then came the age of electricity, which introduced new
requirements for materials to be used in the generation and transmission of electrical energy.
Copper is readily precipitated from solutions of its salts by iron. Alchemists regarded this as
evidence of transmutation of metals. The pure metal was historically obtained from Cyprus under
the name aes cyprium, which later became cuprum with the symbol Cu. Finally, this was anglicized
as copper. Gold was the lure that attracted the miners to the deposits. The prospectors soon turned
from gold to the silver-bearing quartz veins and from silver to copper. These mines have yielded
hundreds of millions of pounds of copper per year and only small amounts of silver and gold.
Hence the old saying: "A man is likely to go to the poor house with a gold mine on his hands, may
make a fair living from a silver mine, but easily becomes wealthy when he finds a good copper
mine" (Howard, 1929).
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Nickel is also an essential metal for humanity. It has been found in metallic artifacts dating back
more than 2,000 years. Nickel, a naturally occurring, lustrous, silvery-white metallic element, is
the fifth most common element in the earth's crust. However, most of the nickel is inaccessible as
it is present in the core of the planet. It was first identified and isolated as an element by the
Swedish chemist, Axel Cronstedt, in 1751 (Gusenius, 1969). In the 19th century, nickel was used
in plating and in alloys such as “nickel silver” (commonly known as German silver) in which it is
alloyed with copper and zinc. This alloy was named for its silvery color and did not actually contain
any silver. The name “Nickel” name comes from the Saxon term 'Kupfernickel' or Devils' Copper,
as the 15th-century miners thought the ore looked red-brown like copper, but it was too difficult
to mine, and they also believed it was poisoning them (it was, in fact, arsenic poisoning). In 1857,
the coins in the US first used nickel alloyed with copper. The “nickel” was not a pure nickel, but
in 1881, pure nickel was used for coins in Switzerland (Howard-White, 1963). Stainless steels
were discovered in the early 20th century, and nickel was found to have a very beneficial role in
many common grades, a situation which continues to this day. Alloys based on nickel have
excellent corrosion resistance and high-temperature resistance, which made them suitable for
chemical plants and allowed the practical realization of the jet engine. Because of these
developments, nickel enjoyed strong growth in demand in the 20 th century and continued to do so.
A growing world population combined with an increase in the standard of living, especially in
countries with emerging economies is causing an increase in the global consumption of metals.
The global demand for copper has been growing continuously. The world’s refined copper usage
has more than tripled in the last 50 years due to the ever-expanding sectors such as electrical and
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electronic products, building construction, industrial machinery and equipment, transportation
equipment, consumer and general products and more recently electric cars. This is because copper
has the second highest conductivity of all the elements, good ductility and resistance to corrosion.
According to the International Copper Study Group (ICSG), in 2019, the world mine production
of copper was expected to reach 21.0 million tonnes (Mt) (ICSG, 2019). The growth in copper
demand is expected to continue as copper is essential to the economic activity of modern
technological society. Infrastructural development in China and India will continue to sustain
growth in copper demand. Moreover, according to the International Nickel Study Group (INSG)
world, primary nickel production is projected to increase to around 2.4 Mt (INSG, 2019).
Copper metal production is carried out mainly by two routes, i.e., conventional pyrometallurgical
and more recent hydrometallurgical techniques. Conventional pyrometallurgical techniques
comprise crushing, grinding, flotation, smelting, converting and refining/electro-refining. The
slag, which is the by-product from copper smelting and converting furnaces contains significant
amounts of copper (4-8 Cu% in converting slag and 1-2% Cu in smelting slag) that remains
unrecovered (Davenport et al., 2002). The presence of such large amounts of copper in the slag
necessitates a slag cleaning step. Slag cleaning is achieved using various pathways such as
employing slag cleaning electric furnaces, cooling of slag followed by crushing/grinding and
flotation. The tailings from the slag cleaning step still contain about 0.4 to 1.0 % Cu, which is lost
when slag is discarded.
Nickel production comes from two types of ores, sulfide ores or laterite (oxidized) ores and cobalt
is a byproduct of nickel processing. Nickel sulfide ore comes from hard rock type deposits, mined
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by open pit and underground mining techniques. Laterite ores are found as clay-rich ‘soft’ deposits,
which are the result of prolonged tropical weathering of ultramafic rocks (Boldt, 1967). The sulfide
ore bodies comprise about 30% of the world’s nickel mineralization and account for about 60% of
the world’s nickel production, while laterites account for over 70% of the nickel resources and
only 40% of nickel production (Dalvi et al., 2004). Generally, the sulfide ores are treated by a
combination of mineral processing and pyrometallurgy to produce matte.
The conventional pyrometallurgical treatment of nickel concentrates includes roasting, smelting,
and converting. Roasting drives off sulfur as sulfur dioxide and part of the iron is oxidized.
Smelting involves melting the roaster product with a siliceous flux. The siliceous flux and the
oxidized iron produce two immiscible phases, a solution of molten sulfides, which contains the
metal values, and a liquid silicate slag, which can be discarded. In the converting operation, more
sulfur is driven off as sulfur dioxide from the sulfide melt, and the remaining iron is oxidized and
fluxed for removal as silicate slag, leaving a high-grade nickel copper sulfide matte. In several
modern operations the nickel sulfide concentrate is treated directly in the smelter and the roasting
step has been eliminated (Habashi, 1997). Sulfide Matte refining is done hydrometallurgically,
which comprises grinding, leaching and reduction.
2.1

Hydrometallurgical leaching processes

One hydrometallurgical alternative to smelting is the high temperature (>180°C) total pressure
oxidation (TPOX) process, which is ideally suited to copper-gold concentrates. This is because all
sulfides are oxidized to sulfate and no cyanide-consuming sulfur reports to the residue, which
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would allow easy and economic recovery of the precious metals. Furthermore, iron is rejected as
a stable hematite phase, which is the preferred hydrometallurgical process residue. However, total
sulfur oxidation implies considerable acid generation, which requires a great deal of neutralization.
The cost associated with sulfate removal may become obstructive unless the copper and/or gold
grade is high enough to justify such a neutralization expense. Another drawback of the TPOX
process is that the autoclave heat balance requires the reactor to run moderately diluted, i.e., at
relatively low pulp densities. The Platsol process (Dreisinger, 2003), is a variation of the TPOX
process and could allow in situ platinum group element (PGE) extraction due to the presence of
~6 g/L chloride.
A host of low temperature (LT; <115°C) processes have been proposed. These can be grouped
according to the media used: the sulfate, chloride, ammoniacal and nitric acid processes. The
sulfate processes include the Sherritt Gordon process (Vizsolyi et al., 1967), Activox process
(Corrans et al., 1993), Albion process (Hourn et al., 1996), BioCOP process (Batty and Rorke,
2006), Galvanox process (Dixon et al., 2008), Jetti process (Dixon et al., 2018) and the JX iodine
process (Granata et al., 2019). The chloride processes are the Cymet process (McNamara et al.,
1980), Clear process (Schweitzer and Livingstone, 1978), Cuprex (Dalton et al., 1991), Intec
(Moyes et al., 2002) and HydroCopper process (Hyvärinen and Hämäläinen, 2005). The
ammoniacal processes are: the Anaconda Arbiter (Kuhn et al., 1978) and Escondida processes
(Duyvesteyn, 1995) and the nitric acid process is the NSC process (Anderson, 2003).
These processes may be attractive in terms of their economics and potentially lower capital
investment. However, most low-temperature processes do not deal well with harmful elements,
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are complex and tend to produce residues that are environmentally unstable (Steyl, 2012). In terms
of both economic factors and risk factors associated with new technologies, the TPOX processes,
such as the one at Freeport McMoran’s Bagdad Operation in Arizona, US (Brewer, 2004; Marsden
et al., 2003), may be the most viable option for higher grade ore bodies. However, if the oxide
source required for acid neutralization is limited and a spare capacity exists in a downstream
refining circuit of solvent extraction (SX) and electrowinning (EW) unit operations, a medium
temperature (115-160ºC) autoclave process may become an attractive alternative.
The different operating regimes are schematically illustrated in Figure 2-1. The low temperature
(LT) processing options generally fall in a temperature region below the melting point of sulfur,
whereas the high temperature (HT) processing options drive all sulfide sulfur to the sulfate form.
Most of the difficulties associated with medium temperature (MT) operation are a result of liquid
molten sulfur. Surfactants or fine coal are used in MT processes to disperse liquid sulfur, while
ultra-fine grinding of concentrate and high oxygen pressures are applied to reduce the overall
autoclave residence time. However, it would also be economically beneficial to operate the
primary leaching SX circuit close to acid neutral, i.e., to prevent excessive acid neutralization or
addition. This aspect depends heavily on the mineralogy of a specific concentrate, the temperature,
the oxygen overpressure and the effectiveness of the surfactant(s). The upper-temperature
boundary is limited by the sulfur transition region as shown in Figure 2-1 which is associated with
a rapid increase in the viscosity of liquid sulfur, followed by a rapid decrease in the overall
elemental sulfur yield. If the economics of the MT process demand operation close to this transition
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point due to the slow chalcopyrite leaching rate, which is also related to the total available surface
area, i.e., the cost of grinding, the elemental sulfur yield would be lower and more variable.
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Figure 2-1: Illustration of three types of leaching processes based on temperature regimes
(Modified from Steyl, 2012)

Since the exact transition temperature depends on sulfur, which is difficult to disperse, only MT
operation below ~160ºC would generally be considered. MT processes that have come close to
commercial success are the “Anglo American-The University of British Columbia” (AA-UBC)
process (Dempsey and Dreisinger, 2003), a similar process applied by Freeport McMoRan Copper
& Gold Inc. at the Morenci operation (Marsden et al., 2007a, 2007b, 2007c, 2007d) and Cominco
Engineering Services Laboratory (CESL) process (Defreyne et al., 2008, 2004). These processes
are similar, except for the lower surfactant (<3 kg/t) and ~12 g/L chloride additions in the case of
the CESL process (McDonald and Muir, 2007a). The major difference is the presence of the
chloride ion. The chloride anion complexes with the cuprous ion and activates the cupric/cuprous
couple (Jones, 1974; Lundström et al., 2005; Muir, 2002). The kinetics of mineral oxidation with
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the cupric/cuprous couple has been reported to increase linearly in proportion to the combined
cupric/cuprous concentration (Hirato et al., 1987). There is also speculation that chloride ion helps
sulfur dispersion as per the work of Mcdonald and Muir (2007a) and the therein cited paper of
Brown and Papangelakis (2005).
The chloride ion relaxes the ultra-fine grinding and particle size requirement of the AA-UBC

process (P90:10 µm) to a P80 of about 20 to 40 µm. The presence of chlorides also results in a higher
than 80% sulfide to sulfur conversion compared to the 50-70% in the AA-UBC process (Dreisinger
et al., 2002; McDonald and Muir, 2007b). The AA-UBC, Dynatec and CESL processes could be
very competitive, as they produce a more concentrated pregnant leach solution (PLS) as compared
to both TPOX and LT processes (Berezowsky and Trytten, 2002) and pose a low environmental
risk (Taylor and Jansen, 1999). Medium temperature operating conditions typically produce onethird of the acid compared to TPOX, consume about half the oxygen and need one third more
reaction time (~90 min). CESL requires 60 minutes or less for chalcopyrite, but 90 minutes for
enargite. Another important observation from these MT processes is that different surfactants and
additives (e.g., chlorides or coal) may result in significant changes in the sulfide oxidation rate,
elemental sulfur yield and post-leach cyanide consumption (Berezowsky and Trytten, 2002;
McDonald and Muir, 2007b). The Dynatec process uses fine coal as a surfactant, which not only
better withstands degradation, but also renders elemental sulfur at a slightly lower (~5%) yield and
consumes ~50% less cyanide as compared to the AA-UBC process (Berezowsky and Trytten,
2002).
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Many hydrometallurgical processes have also been developed to treat nickel sulfide concentrates.
Sherritt International operates a pressure leaching process in ammonia-ammonium sulfate media
that was developed in 1954. Hydrogen gas is used to precipitate nickel metal. The plant continues
to be in operation in Fort Saskatchewan, Alberta (Forward, 1951; Forward and Warren, 1960;
Kerfoot and Cordingley, 1997). Similar plants were built at Kwinana in Australia (Honey et al.,
1997) and Springs in South Africa. The BioNIC process, which relies on the biological oxidation
of ferrous to ferric, was developed by BHP Billiton (Miller et al., 1997).
The PLATSOL process, a high-temperature pressure oxidation process, was developed at SGS
Lakefield by International PGM Technologies Limited to treat NorthMet bulk copper-nickel-PGM
concentrate (Ferron et al., 2001). It involves high temperature (>220ºC) pressure oxidation of the
bulk concentrate in the presence of chloride. The basic difference between the PLATSOL process
and conventional high-temperature pressure oxidation is the addition of chloride ions to the
autoclave feed. It was discovered that the addition of chloride at concentrations as low as ~3 g/L
(5 g/L NaCl) resulted in the dissolution of most of the PGM’s in the autoclave along with copper
and nickel.
The Activox process was developed by Western Minerals Technology (WMT) for the oxidative
leaching of sulfide concentrates (Palmer and Johnson, 2005). The process involves activation of
the mineral surfaces by ultra-fine grinding typically to a P 80 of ~10 µm, followed by a lowtemperature (100°C–110°C), low-pressure (1,000 kPa) oxidative leach to break down the sulfide
matrix. The HIKO process was developed by Outokumpu (Nyman et al., 1992). The process
involves autoclave leaching using an oxygen pressure of 5 bars, the temperature of 110°C or below
15

the melting point of sulfur and mixing capable of giving sufficient contact among gas, liquid, and
solid particles. Much of the design effort was focused on good oxygen dispersion and ways to
create strong intersecting surface flows to draw oxygen from the gas volume back into the
intensively mixed slurry.
The other processes include the Sumimoto process in which the mixed cobalt-nickel sulfides are
leached under air pressure in sulfuric acid solution at 150°C to 160°C. The Nippon process wherein
the mixed sulfide are pressure leached at 140°C to 170°C in sulfate solution under air pressure, to
dissolve nickel and cobalt, together with other base metals (Kerfoot and Weir, 1988) and the CESL
nickel process (Jones and Moore, 2001). Vale recently commissioned a full-scale plant in Long
Harbor, Newfoundland to treat the Voisey Bay sulfide concentrate. These pressures leaching
process are intended to minimize the conventional smelting routes.
2.2

CESL and VALE medium temperature leaching

Since the early 1990s, TECK (Formerly Cominco) has been developing a medium temperature
pressure leaching process to extract copper and other valuable metals from sulfide concentrate.
This process has been successfully and extensively piloted. It has also been demonstrated at the
industrial scale in Brazil in cooperation with Vale. The leaching process occurs at ca. 150°C with
a chloride “catalyst” in an autoclave and requires only a light concentrate regrind of P 95 at 45 µm.
All copper minerals in the pressure leach step are oxidized within 60 minutes to either soluble
copper (Reaction 2-1) or acid soluble copper salts (Reaction 2-2) such as basic copper sulfate
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(antlerite), depending on the level of free acid in the leach (Defreyne et al., 2006; McDonald and
Muir, 2007b).
4CuFeS2(s) + 5O2(g) + 4H2SO4(aq) → 4CuSO4(aq) + 4H2O(l) + 2Fe2O3(s) + 8So(s)

2-1

6CuFeS2(s) +7.5O2(g) + 2H2SO4(aq) + 2H2O(l) → 2[CuSO4•2Cu (OH) 2] (s)+
3Fe2O3 (s) + 12So(s)

2-2

The iron presented to the pressure leach, originating either from the chalcopyrite or from other
sulfides such as pyrrhotite or pyrite, was ideally rejected to residue as hematite. Sulfide sulfur was
mainly (>80%) oxidized to elemental sulfur while the remaining fraction converted to sulfate. The
solids produced from the pressure leach were filtered and washed. They were subsequently treated
by enhanced atmospheric leaching (EAL), where the residues were re-leached in dilute sulfuric
acid at atmospheric conditions to generate copper sulfate (Reaction 2-3):
CuSO4•2Cu(OH)2(s) + 2H2SO4(aq) → 3CuSO4(aq) + 4H2O(l)

2-3

The high tenor copper sulfate solution was then processed through traditional solvent
extraction/electrowinning to recover high-grade copper cathodes. It is to be noted that the iron
precipitate formed in the pressure leach is expected to react minimally during the EAL step. The
residue from EAL, which contains iron, sulfur, and precious metals, was then sent for further
processing if required. The CESL process generalized flowsheet is shown in Figure 2-2.
Vale, from 1998 to 2008 developed, piloted and demonstrated a process for the recovery of Ni,
Co, and Cu from nickel sulfide concentrate that was being produced from the Voisey’s Bay nickel
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sulfide (primarily pentlandite: (Fe,Ni)9S8) deposit in Newfoundland and Labrador. The
demonstration plant was in Argentia, and the commercial-scale facility is in Long Harbour. The
pressure leaching process operates under similar conditions to those employed by CESL for
copper concentrates, also in a sulfate-chloride solution. In the Vale process, hematite is the
predominant and preferred form for iron precipitation in the pressure leach residue.
Both Teck and Vale are therefore, interested in further understanding the nature of the iron
precipitates that are generated during this leaching process, and the leach conditions that will be
most favorable for the precipitation of iron as hematite.
Iron precipitation is a critical step in most hydrometallurgical operations. The chemical and
physical nature of iron residues generated through any hydrometallurgical operations is of
significant concern for two reasons:
1. The precipitate generated during the leach must have limited capability to ab/adsorb valuable
metals or other solution species (such as sulfate) as that can affect economic and environmental
aspects of the process.
2. The precipitate is typically impounded as tailings and must be in a chemically stable form to
reduce any tendency for its reaction with the environment.
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Figure 2-2: CESL process basic flowsheet
(retrieved from www.cesl.com)
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For both reasons, hematite is the preferred iron product of medium temperature sulfide concentrate
leaching. Unfortunately, it is clear from the literature that leaching does not produce the ideal
hematite iron residue. These residues are usually a mixture of hematite, goethite, jarosite and other
iron oxyhydroxides that can affect long-term residue stability as well as copper and nickel
recoveries.
2.3

Iron behavior in aqueous solution

The behavior of any hydrometallurgical system is determined by the associated thermodynamics
and by kinetic considerations that influence the steady state conditions of the leaching system. The
thermodynamic data for most metal-water systems at 25°C have been presented by Pourbaix
(Pourbaix, 1966) in the form of Eh-pH diagrams. The use of such diagrams in hydrometallurgy
has been discussed by Burkin (1966). Eh-pH diagrams are a convenient way of showing the
thermodynamic equilibria that may be approached in aqueous systems, i.e., these diagrams do not
account for kinetics. The lines parallel to the x-axis represent reactions in which H + and OH− ions
do not take part, and those which run parallel to the y-axis represent reactions in which there is no
change of valency (such as ferric hydrolysis). The thermodynamically stable state at any given
value of Eh and pH can readily be seen, and the superimposition of diagrams enables the
interactions between various systems to be assessed. The lines for the reduction of oxygen at 1
atmosphere and the oxidation of hydrogen at 1 atmosphere are almost always superimposed and
represent the limits of stability of water. From these diagrams, it is possible to see at a glance
whether the oxidized or reduced state is the thermodynamically stable one at specific values of EhpH. The Eh-pH diagrams given by Pourbaix are all at 25°C, but most hydrometallurgical reactions
20

occur at elevated temperatures to improve reaction rates. However, limited thermodynamic data
are available for aqueous systems at temperatures above 100°C, and therefore, several groups of
workers have used extrapolative techniques to yield estimated values up to 300°C. The CrissCobble method has been used by Biernat and Robins (1972) and Townsend (1970) to produce EhpH diagrams for the Fe-H2O system
The Eh-pH diagrams constructed by Biernat and Robins (1972) for the Fe-H 2O system at 25°C
and 150°C are presented in Figure 2-3 and Figure 2-4, respectively. For the Fe-H 2O system, the
aqueous species considered were Fe2+, FeOH+, HFeO2-, Fe3+, FeOH2+, Fe2(OH)24+, Fe(OH)2+ and
FeO42-. The solids considered were Fe, FeO, Fe(OH)2, Fe(OH)3, FeOOH, Fe2O3, and Fe3O4. The
stable iron species change at different temperatures. At ambient temperature, the iron is in solution
at low pH and hydrolyzed at high pH. According to the diagram, the dominant species at 25°C are
Fe, Fe2+, FeOH+, HFeO2-, Fe3+, FeOH2+, Fe(OH)2+and FeO42-. These authors chose to present the
condensed metastable species Fe(OH)2 and Fe(OH)3 at 25°C, which is consistent with many
experimental observations (Loan et al., 2002). Increasing temperature to 150°C, the stability
regions of almost all ionic species decreases, which is to be expected as their solubility decreases.
The exception is Fe(OH)2+and FeO42-, where the stability region increases; however, it is unlikely
that these species are formed. Two new phases have also formed at this temperature: Fe 2(OH)24+
and Fe2O3. Fe2O3 replaces the ferric hydroxide phase indicating that metastable ferric hydroxide
phases have transformed into the more stable hematite phase at 150°C.
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Figure 2-3: Eh-pH diagram for the Fe-H2O system at 25°C and unit solute activity
(Redrawn from Biernat and Robins, 1972)

Figure 2-4: Eh-pH diagram for the Fe-H2O system at 150°C and unit solute activity
(Redrawn from Biernat and Robins, 1972)
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Biernat and Robins (1969) also developed S-H2O Eh-pH diagrams at 25 and 150°C. The sulfur
species and phases that were considered are H2S, HS−, S2−, S(s), S(l), HSO4−, and SO42−. As shown
in Figure 2-5 and Figure 2-6, the same six species remain stable in the sulfur-water system even
as temperature changes but the stability regions for some phases change. The stability region for
H2S remains relatively constant, and that of S (s) has a minor decrease in its predominance area with
increasing temperature. Significant changes can be seen for the ion stability regions. With
increasing temperature, the stability region of HS − decreases, while that of S2− increases and the
stability area where SO42− is dominant decreases while that of HSO4− increases. Indeed, bisulfate
is increasingly stable with temperature and the protonation of the sulfate anion reduces “at
temperature acidity”. This phenomenon is well known in the nickel laterite industry where excess
acid must be added in part to account for the increased stability of bisulfate (Rubisov and
Papangelakis, 1999). Chapter 6 further discusses how Ni and Cu sulfate will affect the “at
temperature acidity”.
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Figure 2-5: Eh-pH diagram for the S-H2O system at 25°C and unit solute activity
(Redrawn from Biernat and Robins, 1969)

Figure 2-6: Eh-pH diagram for the S-H2O system at 150°C and unit solute activity
(Redrawn from Biernat and Robins, 1969)
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The Fe-H2O and S-H2O systems can be superimposed to predict the stable phases that exist in the
Fe-S-H2O system at different temperatures, as shown in Figure 2-7 and Figure 2-8. The new
species that are formed from the superimposition are the solid phases FeS and FeS 2. This diagram
does not consider sulfato-hydroxo complexes that form due to the lack of thermodynamic data for
these complex phases. The high-temperature Eh-pH diagrams that include these phases have not
been constructed or published. These are the species that lead to complex phases such as jarosite
and basic ferric sulfate.
Finally, it is important to note that elemental sulfur is metastable as explained by Peters (1976)
across a much broader Eh-pH region than is shown in Figures 2-5 and 2-6. This enables the
production of elemental sulfur, rather than S(VI) species, under CESL and VALE conditions.

Figure 2-7: Metastable Eh-pH diagram for the Fe-H2O-S system at 25°C and unit solute activity
(Redrawn from Biernat and Robins, 1972)
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Figure 2-8: Eh-pH diagram for the Fe-H2O-S system at 150°C and unit solute activity
(Redrawn from Biernat and Robins, 1972)

Another useful method of presenting thermodynamic data related to the hydrolysis of metal species
at elevated temperatures is the use of temperature/pH diagrams. At constant concentration, a linear
relationship is obtained with intersections marking the temperatures of transformation between
hydrates. Robins (1967) has constructed a number of such diagrams and the one for Fe(III)-H 2O
is shown in Figure 2-9. The temperature-pH dependence of the particular phases when the Fe(III)
is at unit molal concentration, with the effect of decreased molal concentrations indicated by the
numeral in square brackets. By way of illustration, it can be seen that 0.2 molal solutions of pH
1.2 should precipitate FeOOH at 150°C.
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Figure 2-9: Experimental temperature versus pH diagram for Fe(III) - Fe2O3-H2O system
(Robins, 1967)

The control of pH for selective precipitation of aqueous ions is often practiced as a separation technique
in hydrometallurgy. In CESL and Vale processes, iron is removed from the solution by precipitating
as hematite in the autoclaves. Monhemius (1977) presented several precipitation diagrams. A
hydroxide precipitation diagram for iron, copper, and nickel at 298 K (25°C) was recalculated and
plotted in Figure 2-10. The extent of precipitation is a function of both solution pH and metal ion

concentration. For a given element, the metal ions remain in the solution for all the pH values to
the left of the line and the metal ions precipitate out of solution as hydroxides for pH values to the
right of the line. The ferric and copper precipitation lines are relatively distant, meaning that an
effective Fe(III) and Cu(II) separation should be thermodynamically possible. For example,
referring to Figure 2-10 at pH 2, Fe(III) solubility is approximately 3x10 −3 M whereas Cu(II)
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solubility is well above 1 M. Thus copper losses from solution and into Fe(III) hydroxide phases
are more likely to be due to surface adsorption and/or solution occlusion within precipitating or
forming Fe(III) solids, rather than co-precipitation. A similar argument can be made for Ni(II) as
its line is even further from the Fe(III) line.

Figure 2-10: Hydroxide precipitation diagram for Fe(III), Cu(II), and Ni(II) at 25°C

The hydroxide precipitation diagram at 423 K (150°C) was calculated using the Monhemius
method but with free energies calculated using the Criss-Cobble entropy correspondence principle
and data collected from the NBS tables (Wagman, 1982) (with the exception of the data for
Cu(OH)2, which was taken from Beverskog and Puigdomenech, 1995). This diagram is presented
in Figure 2-11. As discussed above with respect to Figures 2-3 and 2-4, the solubility of the various
metal ions in equilibrium with their hydroxides decreases as temperature is increased. Thus, acidic
solutions, which are generated during the pressure leaching of sulfides at 150°C, can effectively
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reject Fe(III) as hydroxide phases (as metastable species). These phases would be expected to
transform to more stable hematite given enough time.

Figure 2-11: Hydroxide precipitation diagram for Fe(III), Cu(II), and Ni(II) at 150°C

2.4

Iron phases in leach residues

In 2011, Sahu and Asselin attempted a systematic characterization of leach residues generated
during the processing of a variety of chalcopyrite concentrates under CESL conditions. Chemical
analyses of the residues revealed the presence of 0.5 to 2.76% copper that accounts for 2 to 11%
loss of copper during the processing of chalcopyrite. An ‘amorphous’ component was identified
in the CESL residues by SEM/EDX, QXRPD/ Digestion & ICP-MS (inductively coupled plasma
mass spectroscopy), Electron microprobe and Sequential extraction. This component was assumed
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to be ‘ferrihydrite.’ In thirteen different residue samples, the ferrihydrite content was found to vary
between 2 and 46%, and it had 5-times more Cu associated with it (Sahu and Asselin, 2011).
It is important to describe ferrihydrite and closely related schwertmannite. Ferrihydrite has been
reviewed by Jambor and Dutrizac (2008) and is a disordered and metastable Fe(III) oxyhydroxide
mineral approximated by 5Fe2O3•9H2O, although the structure is excessively hydrous. The term
`ferrihydrite` most widely used in recent works, actually refers to a range of similar phases.
Ferrihydrite is generally classified based on the number of X-ray diffraction lines which the
precipitate yields. Hence, “two-line ferrihydrite” describes materials exhibiting little crystallinity
and “six-line ferrihydrite” characterizes precipitates that are better crystallized.
The small grain size and poor crystallinity have so far prevented the direct determination of the
crystal structure of ferrihydrite. It has been an object of many studies, and several structures have
been proposed (Jambor and Dutrizac, 1998). The model of Towe and Bradley (1967) involves a
defective hematite structure based on a hexagonal close-packed array of anions with vacant Fe(III)
ions and a considerable amount of water. The Fe(III) ions are distributed randomly over the
interstices, and there is more OH- and H2O and less Fe(III) in ferrihydrite than in hematite, i.e.,
there is a lower Fe/O atomic ratio (<2/3).
Further refinements of the structure were proposed by Drits et al. (1993) based on the agreement
between experimental and simulated XRD data and by Manceau and Drits (1993) based on the
structural data from EXAFS spectra. According to these refinements, 6-line ferrihydrite contains
three intergrown structural components as shown in Figure 2-12 (Jansen et al., 2002).
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Figure 2-12: Model of the two structural components of ferrihydrite
(a) defect-free ABACA phase; (b) and (c) two defective ABA and ACA phases. Open circles represent
vacant Fe sites (Jansen et al., 2002)

The low-equilibrium solubility of the Fe (III) ion dictates hydrolysis at pH ~3 to form ferrihydrite.
If hydrolysis proceeds rapidly, the gelatinous 2-line ferrihydrite will precipitate; however, with
slower hydrolysis, the more crystalline and larger 6-line ferrihydrite will form. The rapid
coalescence of primary ferrihydrite crystals to form aggregates (up to 100 μm in size) creates both
internal and interparticular micro-porosity; surface areas are typically 200 m 2/g. Hence ferrihydrite
is known to absorb a wide range of inorganic and organic species (Jambor and Dutrizac, 1998).
Ferrihydrite is also metastable and transforms into more crystalline products of goethite (αFeOOH) and hematite (α-Fe2O3), mostly affected by changes in pH, temperature and water
activity.
The sulfate-containing schwertmannite (Fe16O16(SO4)2(OH) 12) is now regarded to be similar in
structure, occurrence, and formation to ferrihydrite (Loan et al., 2006). Interestingly,
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schwertmannite has a distinct and different morphology to ferrihydrite, forming hedge-hog-type
aggregates with nano-dimension whiskers, although the two phases have been found to precipitate
together (Loan et al., 2006). The historical difficulties in characterizing ferrihydrite and
schwertmannite produced references to a variety of iron phases, unfortunately, including ferric
hydroxide [Fe(OH)3]. Loan et al. (2002) suggested that the considerable hydrometallurgical
literature documenting the formation of Fe(OH)3 under various pseudonyms refers to ferrihydrite
(2- or 6-line), or alternatively schwertmannite. It is to be noted that [Fe(OH) 3] is crystalline.
Loan et al. (2006) explained that hydrometallurgical precipitation involving ferrihydrite or goethite
formation is a complex and intricate process, as it involves the nucleation and aggregation of
exceptionally small primary crystallites to significantly larger particles. Chen et al. (2006)
performed the characterization of the iron-rich residues generated during the pressure leaching of
Voisey’s Bay nickel sulfide concentrate generated from a batch and mini-pilot testing using
XRPD, microprobe and SEM/EDX. It was concluded that the leach residues consisted
predominantly of hematite and elemental sulfur, with minor amounts of goethite. The elemental
sulfur is present as large spheroids and irregular masses, commonly agglomerated with tiny
particles of hematite and goethite. The hematite and goethite occur as thin spheroids and larger
bubble-like particles. Moreover, although the solutions contained up to 15 g/L sodium, Na-jarosite
particles were only rarely detected in a few of the continuous leach residues. The hematite ‘seed’
produced during the early stages of leaching was assumed to play a key role in promoting the
precipitation of hematite, at the expense of Na-jarosite.
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Chen and Dutrizac (2009) studied the factors affecting the precipitation of hematite rather than
jarosite in nickel sulfide concentrates leached under autoclave conditions and concluded the
following:
i.

Increased retention times (5-6 h) at 150°C resulted in increased precipitation of hematite,

ii.

Increased temperature promoted precipitation and improved crystallinity of hematite,

iii.

Increased chloride concentration slightly decreased the amount of hematite precipitated but
did not affect its composition,

iv.

Increased H2SO4 concentrations dramatically reduced the amount of precipitate, but had no
effect on the composition of the hematite formed,

v.

Increased concentrations of Fe(SO4)1.5 augmented the amount of hematite precipitated but
did not affect its composition,

vi.

Increased NiSO4 concentrations resulted in an increased precipitate, but the composition
remained constant,

vii.

Even modest concentrations of Na2SO4 resulted in extensive precipitation of sodium
jarosite,

viii.
ix.

The presence of hematite seed suppressed the jarosite precipitation,
Autoclave leach residue which contains significant amounts of hematite is an effective seed
material for hematite precipitation, and

x.

Regardless of the experimental conditions, the hematite precipitates were poorly
crystallized.
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A summary of the work by various researchers and the comparison of the test conditions and the
various parameters is given in Table 2-1. The discussion highlights the complexity of iron
precipitation in hydrometallurgy and the need to further understand the parameters (temperature,
pressure, seeding, retention time, mixing, aging) affecting the precipitation of ferrihydrite, and to
be able to identify and quantify the ‘amorphous’ phases in the medium temperature Cu-Ni leaching
system.
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Table 2-1: Summary of the studies characterizing iron residues precipitated at T > 100°C

Background

Chen et al.,
2006
Batch and
mini-pilot
H2SO4

Dutrizac and Chen,
2009
Controlled lab scale,
reagents
H2SO4

Sahu and Asselin,
2011
Industrial, various
concentration
H2SO4
Very poor,
quantified

Žic et al.,
2011
Controlled lab scale,
reagent
NaOH
Varying
(amorphous to crystalline)

Crystallinity

Not quantified

Poor, not quantified

No effect
found
150°C, not
tested

Extensive jarosite
precipitation
110-180°C improves
crystallinity

Not known

Not tested

150-205°C, none
apparent

160°C, not tested

Increases mass
of precipitate

Increases mass of
precipitate

None apparent

Ferrihydrite at the
beginning (1h) then
hematite

Changes in
morphology

Effective for fast
hematite precipitation

Not tested

Not tested

[SO4] with
hematite

5-7%

5-7%

Not measured

Effect of
surfactant

Not mentioned

Not tested

Unknown

Increasing
free acid

Not tested

Appears to reduce
the amount of
amorphous phase

Not tested

Effect of
chloride

Not tested

Reduces precipitate
mass otherwise no
effect
The slight decrease in
hematite yield

None

Not tested

Study type

Effect of Na
Effect of T
Effect of time
Seed

None, but altered
morphology
Ammonium
Amidosulfonate
suppressed hematite
formation

Javed and Asselin,
2015
Controlled lab scale,
reagentcale, reagent
H2SO4
Varying,
quantified
Tested along with
other impurities
150-220°C, tested
and quantified
Hematite and
amorphous (up to 2h)
then hematite
Effective for fast
hematite precipitation
5-9%
Not tested
Increases hematite
yield and reduces the
amorphous phase
Same effect as free
acid
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2.5

Crystallization theory of precipitation

According to crystallization literature (Dirksen and Ring, 1991; Mullin, 1993; Sohnel and Garside,
1992), precipitation is defined as “reactive crystallization,” to emphasize the product of the
process. Some key characteristics of precipitation are: precipitates are usually highly insoluble,
high supersaturation is associated with precipitation, supersaturation is generated by chemical
reaction(s), the rate of primary nucleation is usually fast, and many fine particles develop that
readily form aggregates.
Precipitation occurs when the concentration of a solute in solution exceeds the solubility value,
i.e., the solution is supersaturated. Supersaturation can be considered as the driving force, which
causes the crystallization of a species from an aqueous solution. Supersaturation may be defined
as the concentration of a solute exceeding the saturation concentration (equilibrium concentration).
The degree of supersaturation is represented by saturation ratio, S (Equation 2-4).
S=

∗

2-4

Where S = saturation ratio, α = activity of the solute, α∗ = activity of the saturated solution
Precipitation may be defined as the production of a crystal generated from an irreversible chemical
reaction between reactants present in a system. According to thermodynamics, precipitation will
occur when the reaction is spontaneous, that is the free energy change is < 0 as shown in Equation
2-5.
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ΔG = ̶ RT ln

𝛼
= ̶ RT ln ( S ) < 0
𝛼∗

2-5

The saturation ratio S may be approximated as Equation 2-6.:

S=

∗

=

∗

2-6

Where 𝐶 = solute concentration (mol/L of solution), 𝐶 ∗ = solute concentration at equilibrium for
the given temperature and pressure (mol/L of solution), and 𝑚 represents the concentration in
terms of molality (mol/Kg of solvent).
Using the solubility product and assuming activities are equal to concentrations (Equation 2-7 to
2-9):
𝐴

+ 𝐵̵

𝐾

= [𝐴 ] [𝐵 ̵ ]

𝑆=

= 𝐴𝐵

[𝐴 ][𝐵 ̵ ]
𝐾

2-7
2-8

2-9

Where Ksp = the solubility product of the precipitate, AB.
To form a solid, the state of supersaturation must be achieved as well as the availability of
microscopic bodies or nuclei (seed or embryos) to act as centers of crystallization. Precipitation
involves several kinetic processes such as the creation of supersaturation, followed by primary
nucleation and crystal growth. The secondary changes such as recrystallization, aging,
aggregation, and secondary nucleation overlap crystal growth as shown in Figure 2-13. The extent

37

to which these processes occur and their relative rates dictate the resultant morphologies and
particle size distribution of the precipitates.

Extent of Precipitation

Secondary
nucleation

Secondarychanges
recrystallization
aging, aggregation
Primary
nucleation
Growth

time

Creation of
supersaturation

Figure 2-13: Kinetic processes involved in precipitation
(Sohnel and Garside, 1992)

The process of nucleation can be divided into three main categories: (i) primary homogeneous, (ii)
primary heterogeneous nucleation, and (iii) secondary nucleation as shown in Figure 2-14.
Nucleation

Primary

Secondary

(induced by crystals)

Homogeneous
(spontaneous)

Heterogeneous

(induced by foreign particles)

Figure 2-14: Classification of the nucleation mechanism
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Primary homogeneous nucleation occurs spontaneously in the absence of a solid interface in a
supersaturated solution. As the concentration of a solution containing ionized species increases,
ionization decreases, and solvated ion pairs appear in solution to form clusters of solute molecules
or liquid crystals with the same crystal structure as the solid. It was proposed by Mullin (1993),
that a stable nucleus could arise from a sequence of bimolecular additions according to the scheme:
A + A ↔ A2
A + A ↔ A3
An-1 + A ↔ An (critical cluster)
Further additions of molecules to the critical cluster would result in nucleation and subsequent
growth of the nucleus. The nucleus is thermodynamically unstable at low supersaturations;
therefore, this process occurs in regions of high supersaturation. High supersaturation results in
the formation of poorly crystallized ultrafine particles with a high degree of aggregation and a high
chance of impurity uptake. The nucleation rate J is defined as the number of nuclei formed per
unit time per unit volume can be represented by Equation 2-10.

J = A exp

̵

2-10

As indicated earlier (Equation 2.5), 𝛥𝐺 is related to the saturation ratio S, and the nucleation rate
J is dependent on supersaturation. This is shown in Figure 2-15.
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Figure 2-15: Generalized nucleation diagram describing the characteristic differences between
homogeneous, heterogeneous and surface nucleation as a function of supersaturation
(Dirksen and Ring, 1991)

Primary heterogeneous nucleation is induced by the presence of foreign particles which serve as a
“catalyst” lowering the required supersaturation to a level lower than that required for
homogeneous nucleation (see Figure 2-15 and Figure 2-15). The extent of precipitation by
heterogeneous nucleation mechanism is limited by the number of foreign particles (hetero-nuclei)
that are present. Secondary nucleation results from the presence of “solute” particles in solution
with the ones being precipitated and have been classified into three categories: apparent (the nuclei
are introduced into the system due to the fragmentation of produced crystals), true or surface (seed
crystals are added to the solution), and contact (collisions between crystals or between crystals and
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the crystallizer). In general, for substances that are sparingly soluble, secondary nucleation may
occur to a small extent or does not take place at all (Sohnel and Garside, 1992).
Crystal growth involves the integration of a solute species (so-called growth unit) into a growing
crystal structure on two types of surface sites called ‘steps’ and ‘kinks.’ The crystal growth occurs
through a series of stages: (i) interfacial transport of solute, (ii) adsorption on the particle surface,
(iii) surface diffusion, (iv) attachment to a step, (v) diffusion along a step, (vi) integration into the
crystal at a kink site (surface reaction), and (vii) de-solvation and/or diffusion of solvent molecules
away from the surface. These stages are shown in Figure 2-16.

Figure 2-16: Crystal growth mechanism by movement of the solvated solute molecule
(Dirksen and Ring, 1991)

When the de-solvation process is complete, and the enthalpy of crystallization liberated, the solute
molecule becomes part of a crystal (Dirksen and Ring, 1991). Many physical processes control the
rate of crystal growth. The rate-limiting step is system-dependent (e.g., temperature, mixing rate,
41

reactor types), and can vary from diffusion-controlled growth to chemical reaction controlled (if a
chemical reaction is used to induce supersaturation).
In addition to nucleation rate J, the growth rate G is a function of supersaturation as well. The
degrees of dependency of G and J on supersaturation are different as shown in Figure 2-17. Two
distinctly different precipitation regimes are defined based on S (Demopoulos, 1993, 2009). For S
< S∗

, growth dominates, and well-grown crystals are expected to produce if the seed is used.

On the other hand, for S > S∗

, homogeneous nucleation prevails, thus resulting in the

production of ultrafine particles. In the region where S ≫ S∗

, growth is not expected even in

the presence of seed.

Figure 2-17: Separation of precipitation regimes based on rate versus saturation ratio relationships

(Demopoulos, 1993, 2009)
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Stranski’s rule states that if the homogeneous nucleation prevails, the least stable or the so-called
‘metastable phase’ nucleates first (Blesa and Matijevic, 1989). The nucleation rate of metastable
phase Jmet can be expressed in terms of saturation ratio in this general form as shown by the
Equation 2-11 (Nyvlt, 1995).

Jmet = Ωmet

−𝐶
(𝑙𝑛 𝑆

)2

2-11

Where Ω is the attachment frequency (1/second), energetical term C relates to work of formation
of the critical nucleus of the corresponding phase and J is the nucleation rate (particles /m2/s).
It is believed that fewer restrictions are required for a successful attachment in the metastable phase
such that Ωmet > Ωst (wherein subscripts met denote metastable and st denotes stable phase). The
interfacial energy requirements are also less stringent for the metastable phase, C met < Cst. The
exponential term in Equation 2.11 diminishes when precipitation occurs at high supersaturation
because the saturation ratio S and the energy C oppose each other. The attachment frequency thus
dominates the nucleation rate. The metastable phase becomes kinetically favorable in the region
of high supersaturation, where homogeneous nucleation prevails as shown in Figure 2-18.
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Figure 2-18: Crystallization rate of the metastable and stable phase as a function of saturation ratio

(Nyvlt, 1995)
The hydrolysis of inorganic Fe(III) salts at initially high supersaturation (e.g. 1.0 M Fe(NO 3)3),
which begins with the formation of a least stable amorphous phase (FeOOH-H 2O) that transforms
to a more stable intermediate crystal phase(α-FeOOH) and finally to a most stable crystal phase
(α-Fe2O3 ) is a good manifestation of Stranski’s rule (Blesa and Matijevic, 1989), and is illustrated
as follows:
Fe(III)(aq) → FeOOH•H2O(am) → α-FeOOH(c) → α-Fe2O3(c)
Such a transformation process follows the dissolution-recrystallization mechanism as shown in
Figure 2-19 (Blesa and Matijevic, 1989).
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A (s)

Figure 2-19: Dissolution-recrystallization process for phase transformation
(Blesa and Matijevic, 1989)

According to Stranski’s rule the rate of initial precipitation of various phases A, B, and C follow
the order of the solubilities CA, aq > CB, aq > CC, aq (i.e., RA > RB > RC) (Blesa and Matijevic, 1989).
The least stable phase A serves as a reservoir which slowly releases Fe(III) aq to maintain a constant
Fe(III) concentration, CA, aq (Figure 2-19). And once the induction period related to the nucleation
of phase B is completed, the growth rate of B is limited by the dissolution rate of phase A (R -A);
similar trend applies to the transformation from phase B to C. The rate of formation of crystalline
phases is generally much faster at high temperatures, and particularly in acidic media. If an
increase in RB is substantial as compared to RA, less amount of amorphous phase would be
generated, and therefore noticeable enhancement of crystallinity is normally achieved with an
increase in temperature.
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Precipitation in uncontrolled batch reactors results in an extensive aggregation due to initial high
supersaturation condition. The high supersaturation triggers precipitation via homogeneous
nucleation, which generates many fine particles and as their population density increases,
aggregation is favored. Aggregation becomes the main cause of growth in precipitation systems
which are dominated by homogeneous nucleation, and it can be prevented using surfactants. The
selection of surfactant, either cationic, anionic, or nonionic, depends on the particle-solution
interface properties (Dzombak and Morel, 1990).
In addition to surfactants, other soluble species might also adsorb on the surface of the precipitating
solid and interfere with the precipitation process. In the aqueous precipitation of inorganic
compounds, hydration of surface cations followed by hydrolysis leads to the formation of a
hydroxylated surface ≡XOH° (oxide surface site), and ultimately to surface complexation reactions
involving cations and/or anions as shown in Equation 2-12 and 2-13 (Dzombak and Morel, 1990):
Cation complexation: ≡ XOH° + C2+ → XOC+ + H+

2-12

Anion complexation: ≡ XOH° + A3 ̶ + H+ → ≡ XA2 ̶ + H2O

2-13

The surface complexes in many cases are inner sphere complexes involving covalent bonding.
Because of such adsorption reactions, the particle growth mode is altered, and impurities are
incorporated into the solid product. As deduced from these adsorption reactions, cation sorption is
favored at high pH while anion sorption is favored at low pH. The chemisorption of sulfate (anion)
on hematite appears to follow the surface complexation reaction as shown in Equation 2-13.

46

In order to produce well grown and stable crystals, precipitation should be carried out under low
supersaturation (S < S∗

), and in the presence of seed as shown in Figure 2-17. Under this

condition, the consequences of Stranski’s rule are avoided. By keeping low supersaturation (low
S), the crystallization temperature can be effectively reduced. This has been clearly demonstrated
in the cases of hematite precipitation from chloride solution at temperatures less than 100°C in the
presence of hematite seed (Dutrizac and Riveros, 1999).
The matrix anion and co-existing impurity elements could be incorporated into the precipitate,
lowering its purity. The different mechanisms of impurity incorporation into the precipitate, are
co-precipitation as a distinct phase, substitution or adsorption. Adsorptive incorporation of
impurities as shown in Equation 2-12 and 2-13, can be suppressed by reducing the specific surface
area via growth of large and smooth particles, and thereby enhancing the crystallinity of the
precipitate, simultaneously preventing aggregation (Demopoulos, 1993; Mullin, 1993; Sohnel and
Garside, 1992).
2.6

Crystal growth modification in iron precipitation

Iron oxide particles of various morphologies were prepared by the forced hydrolysis of ferric
chloride solutions with careful control of reaction conditions (Bailey et al., 1993; Matijević and
Scheiner, 1978; Sugimoto and Muramatsu, 1996). Micron-sized spherical, cubic or ellipsoidal
hematite particles formed at moderate concentrations of FeCl 3, while rhombohedral hematite
single-crystals, of nanometer dimensions, formed in solutions with low FeCl 3 concentrations of
<0.02 M and pH of about 1.5 (Kan et al., 1996). In these systems, the presence of phosphate even
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in minor amounts has been shown to have a strong inﬂuence on the morphology of the resultant
hematite particles (Morales et al., 1992; Ocaña et al., 1995). This change in morphology is a result
of the binding of phosphate to certain crystal faces, thus limiting crystal growth. The crystal faces
concerned were identiﬁed by Jones et al. (2003).
Reeves and Mann (1991) studied the effect of organic phosphonate-based additives on the forced
hydrolysis of ferric chloride solutions. Jones et al. (2003) investigated the potential for
morphological control of iron oxide nanoparticles by employing various phosphonate-based
molecules such as CH2(PO3H2)2, C2H4(P3OH2)2, N[CH2PO(OH2)]3 and C12H32N4O12P4. The action
of these additives appeared to be very specific, with the phosphonates binding only to one of the
crystal faces. The particles were uniform single crystals of about 100 nm. The phosphonate
additives were shown to be powerful growth modifiers; even at very low additive concentrations
their effect on hematite crystallization was evident.
2.7

Transformation of ferrihydrite

Ferrihydrite is a metastable amorphous mineral and transforms into iron oxides such as goethite,
hematite, and magnetite. The rate of transformation of ferrihydrite to hematite and goethite is a
function of time, temperature, and pH (Cornell and Schwertmann, 1996). Hematite is formed by
the initial rearrangement and dehydration within ferrihydrite aggregates while goethite formation
occurs by re-precipitation of Fe(III) ions dissolved from ferrihydrite. A first long-term
transformation assessment of ferrihydrite was performed by Schwertmann and Murad (1983). It
was found that storing ferrihydrite in aqueous solution at 24°C for almost 3 years at different pH
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values resulted in the formation of goethite and/or hematite. Samples taken at different time
intervals were subjected to oxalate treatment (the oxalate treatment procedure is reviewed in
section 4.4). The proportion of oxalate-soluble Fe (Feo) with respect to total Fe (Fet) in these
samples was used as an indicator of the degree of transformation of ferrihydrite to goethite and/or
hematite i.e. the higher Feo, the lower the amount of transofrmation. The rate of transformation
decreased with a decrease in pH as shown in Figure 2-20. For example, it took about 900 days to
achieve 80% conversion of ferrihydrite at pH 2.5, whereas 98% conversion was achieved at pH 6
in the same timeframe. Hematite was favored in conditions where the Fe(III) equilibrium
solubility with ferrihydrite was minimum, and goethite was favored in conditions when Fe(III)
solubility was maximum.
Cudennec and Lecerf (2006) revised the mechanism of ferrihydrite transformation to hematite and
goethite. Taking into consideration the work performed by Schwertmann and Murad (1983), they
proposed the following scheme for ferrihydrite dissolution (Reactions 2-1 and 2-1):

Acidic solutions: 0 ≤ n < 3
5Fe2O3•9H2O(s) + (30-10n) H3O+(aq) + (6+10n) H2O(l) ↔10[(Fe(OH)n (H2O) (6-n)] (3-n) +(aq)

2-14

Alkaline solutions: 3 < n ≤ 6
5Fe2O3•9H2O(s) + (10n-30) OH-(aq) + (66-10n) H2O(l) ↔10[(Fe(OH)n (H2O) (6-n)] (n-3)-(aq)

2-15
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pH

Time (days)
Figure 2-20: First-order reaction plot for the transformation of ferrihydrite at various pH values
plotted for the ratio of Feo (oxalate soluble Fe) to Fet (total iron) versus time
(Schwertmann and Murad, 1983)

At pH higher than 7, iron is dissolved under the complex anions, Fe(OH) 4(H2O) (n = 4),
Fe(OH)5(H2O)2- (n = 5) and eventually at very alkaline pH, under Fe(OH) (n = 6). In these
conditions, the solubility of iron increases but is very low, and therefore goethite is obtained.
At pH around 7, H3O+ and OH- concentrations are too weak for dissolving enough ferrihydrite for
the formation of goethite through the solution. Therefore, the transformation takes place mainly in
the solid-state, giving rise to hematite in solutions that present the minimum of solubility for
ferrihydrite. At this stage, the main dissolved entity is the neutral complex Fe(OH) 3(H2O)3, but its
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concentration is too weak, and therefore transformation in the solid-state is dominant, and hematite
is obtained according to the scheme as shown in Reaction 2-16.
5Fe2O3•9H2O(am) ↔ 5Fe2O3(c) + 9H2O(l)

2-16

Cudennec and Lecerf (2006), also suggested that the dehydration of ferrihydrite Fe 5O7(OH).4H2O
gives rise to Fe5O7.5 equivalent to Fe2O3, hematite, and that the structure of ferrihydrite is
contracted by 2% during its transformation. This fact is in favor of the formula chosen for
ferrihydrite, Fe5O7(OH).4H2O, even if the O/OH rate is not necessarily fixed and can probably
vary around a value near seven, and therefore, ferrihydrite is rather a hydrated oxide than a
hydroxide.
Schwartzman and Murad (1983), were the first to suggest that high temperature favors the
formation of hematite. Later Liu et al. (2010, 2007) carried out the transformation experiments of
ferrihydrite in the presence of ferrous ion and with varying temperature (from 25°C to 100°C).
They demonstrated that hematite is formed at higher temperatures(~100°C) while lower
temperatures(40-60°C) are favorable to the dissolution and re-precipitation mechanism and the
formation of goethite. There are several studies in the literature on complicated systems which
contain other ions in solution or the iron oxyhydroxides structure. The results of the transformation
reactions can be influenced by cations like Pb2+ (Vu et al., 2010), Cd2+ (Lin et al., 2003), Zn2+
(Jambor and Dutrizac, 1998) , Mn2+ (Cornell and Giovanoli, 1987), Ni2+ (Punnoose et al., 2004),
Al3+ (Jentzsch and Penn, 2006) or anions like Cl− (Liu et al., 2010), CO32− (Hiemstra et al., 2009),
SO42− (Davidson et al., 2008) and PO43− (Shaw et al., 2005). The substitution of these ions can
lead to changes in the iron oxyhydroxide structure, and the presence of these ions in the structure
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can catalyze or inhibit the transformation of ferrihydrite to a specific end-product under
appropriate conditions.
Yee et al. (2006), studied the transformation of ferrihydrite using synchrotron-based diffraction
technique with a Fe(II)/Fe(III) ratio that leads to pure goethite. They found that the activation
energy for goethite formation was 56 ± 4 kJ/mol. Comparing this with the activation energy in the
absence of ferrous ion indicates that Fe(II) acts as a catalyst and decreases the activation energy
barrier by approximately 38 kJ/mol. It was also suggested that depending on Fe(II)/Fe(III) ratio
and reaction time, the transformation product can be magnetite. Vu et al. (2010), showed that the
presence of lead in the ferrihydrite structure at alkaline pH 13 enhanced the formation of hematite
and reduced the induction time by 20-30%. It was also found that at this pH, goethite is an
intermediate phase. Shaw et al. (2005), studied the effect of phosphate on ferrihydrite
transformation to goethite and hematite under alkaline conditions using synchrotron diffraction.
They found that the apparent activation energy of nucleation at pH 13.7 of the phosphate doped
ferrihydrite system was three times higher than the activation energy without phosphate and that
the phosphate slowed the ferrihydrite transformation to goethite.
Johnston and Lewis (1983), studied the transformation of ferrihydrite performed at pH (~1) and
92oC and found that ferrihydrite particles coalesced to form an extended ferrihydrite type structure
which was similar to incompletely ordered hematite and acted as a nucleation site for hematite.
The least stable phase nucleates first as explained by ‘Ostwald’ rule (Jaroslav, 2006). This also
explains the higher solubility product of ferrihydrite compared to the more crystalline phases. The
rates of formation of goethite and hematite are competitive and happen via solution transformation
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of ferrihydrite (Schwertmann et al., 1999; Schwertmann and Cornell, 2000; Torrent and Guzman,
1982). Goethite is usually formed at high and low pH values, where the solubility of ferrihydrite
is pronounced. The restricted solubility and aggregation results in hematite formation. The
formation of goethite at high pH (pH:10-12) occurs upon dissolution of ferrihydrite and in the
presence of favorable growth units (Fe(OH)4-), (Cornell and Giovanoli, 1986; Knight and Sylva,
1974). Both goethite and hematite have also been demonstrated to nucleate through the dissolution
of the ferrihydrite at pH < 2 (Atkinson et al., 1968; Van Der Woude et al., 1983). Hsu and Wang
(1980) observed hematite to nucleate from low iron concentration solutions but at much lower pH
and elevated temperatures.
2.8

Solubility of ferrihydrite, goethite, and hematite

The solubility of a solid is determined by the free energy of dissolution which is the opposite of
crystallization. Except at extreme values of pH, ferrihydrite and goethite/hematite have a very low
solubility in solution. The extent to which these phases dissolve is defined by the solubility product
(Ksp). The solubility product represents the thermodynamic equilibrium between the solid and the
concentration of its ions in a saturated solution. The solubility product of ferrihydrite represented
using ferric hydroxide is around 10‒37 and 10‒44 for goethite and hematite (Cornell and
Schwertmann, 1996). These Ksp values indicate that metastable ferrihydrite is more soluble than
hematite and goethite but remains mostly insoluble. The precipitation of ferrihydrite follows
crystallization kinetics, and this is reflected in precipitation mechanism dominated by nucleation.
The low ferrihydrite equilibrium solubility results in the fast nucleation kinetics of ferrihydrite and
is directly related to supersaturation. The supersaturation is the concentration of the ferric ion
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relative to the equilibrium solubility of ferrihydrite at a given pH. The solubility of ferrihydrite is
shown in Figure 2-21 (wherein ‘soil-Fe’ is naturally occurring crystalline Fe(OH) 3). It depends on
pH and is at the minimum at pH 6-10. The solubility is approximately 0.1 mg/L at 25oC (Baes and
Mesmer, 1976; Biedermann and Schindler, 1957; Cornell and Schwertmann, 1996; Stumm and
Morgan, 1996).

Figure 2-21: Solubility of ferrihydrite, goethite and ‘soil-Fe’ versus pH
(Cornell and Schwertmann, 1996; Lindsay, 1979)

The equilibrium solubility of ferrihydrite is dependent on pH at a constant temperature, pressure,
and ionic strength. In acidic media, the solubility product can be expressed as shown in Reactions
2-17 and 2-18, representing ferric hydroxide or oxyhydroxides.
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Fe(OH)3 + 3H+ ⇔ Fe(III) + 3H2O

*

KSP = [Fe(III)] / [H+]3

FeOOH + 3H+ ⇔ Fe(III) + 2H2O

*

KSP = [Fe(III)] / [H+]3

2-17
2-18

Jolivet et al. (2000) explained that the iron oxide and oxyhydroxides involve polycondensation
and not ionic reaction. During polycondensation the iron oxides and iron oxyhydroxides are
formed by the combination of initial nuclei comprising Fe 3+ ions. This process is accompanied by
dehydration, the release of water. Therefore, despite regarding precipitation as a reactive
crystallization, it is difficult to relate this to an ionic process , and the theoretical calculation of
solubility product may not be accurate. The ferric hydroxide in the reactions above does not
describe ferrihydrite and may not be an accurate representation of its solubility product.
Measuring the equilibrium solubility of iron oxides has been attempted in the literature by two
approaches: precipitation and dissolution. In a precipitation approach, the oxide is precipitated
from a supersaturated solution of ions by addition of a base, and in a dissolution approach, the
oxide is dissolved in an undersaturated solution. The pH is monitored, and total iron is measured
until equilibrium is reached. In the solubility measurements, it is important that no phase
transformation or recrystallization occurs during the experiment. Ferrihydrite transforms into less
soluble phases hematite and/or goethite (Cornell and Schwertmann, 1996). To reach equilibrium
in the case of iron oxides long periods are needed. Biedermann and Schindler (1957) found that
the steady state in the precipitation method for ferrihydrite at 25°C was reached after 200 h.
Solubility measurements for the less soluble oxides hematite and goethite take a much longer time
to attain equilibrium. It took several years for the transformation of metastable schwertmannite
into stable goethite at 25°C. The solubility of “Fe(OH)3” declines with aging and the solubility of
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a solid mixture (ferrihydrite+hematite+goethite) is controlled by the least stable solid (Lemire et
al., 2013). The difficulty in establishing the equilibrium may give rise to errors. The solubility
product for an iron oxide measured by both the dissolution and precipitation methods must be in
agreement (Cornell and Schwertmann, 1996). Schindler et al. (1963), measured solubility product
for aged ferrihydrite by both precipitation and dissolution methods at 25°C in the pH range 1-2
and found that both methods gave the same value of log K sp = 3.55 ± 0.1 for ferrihydrite. Diakonov
et al. (1999), obtained log Ksp = 19.64 ± 0.1 for hematite from both dissolution and precipitation
experiments at 60°C. Many researchers have studied hematite solubility under mildly acidic
conditions relevant to geochemical processes, usually in concentrated chloride solutions of
varying pH (Berner, 1969; Boctor et al., 1980; Sergeeva et al., 1999; Yishan et al., 1989).
Hematite solubility in sulfuric acid solutions under conditions relevant to hydrometallurgical
processing has also been reported. Hematite solubility via both dissolution and precipitation from
Fe2(SO4)3-H2SO4 solutions at 150-200°C and under 980.7 kPa oxygen pressure was first
performed by Umetsu et al. (1977). The experiments were conducted in a 1L stainless steel
autoclave with a Teflon lining and agitation was provided by a magnetically driven titanium
impeller. The autoclave was quickly cooled down, and the solution was externally filtered to
remove solids. Their experimental set-up’s shortcoming was a lack of in-situ filtration. Umetsu et
al. (1977) showed that the hematite solubility demonstrates a linear relationship with the free acid
concentration and hematite solubility was also found to decrease with increasing temperature. Xray analysis revealed that hematite remained the stable solid phase during the experiments.
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During the ferric hydrolysis precipitation experiments, it was demonstrated that hematite is stable
up to 56 g/L and 65 g/L H2SO4 at 185 and 200°C, respectively (Reaction 2-19) but above these
free acid concentrations, basic iron sulfate (FeOHSO 4) is stable at each temperature (Reaction 220).
Fe2(SO4)3(aq) + 3H2O(l) → Fe2O3(s) + 3H2SO4(aq)

2-19

Fe2(SO4)3(aq) + 2H2O(l) → 2FeOHSO4(s) + H2SO4(aq)

2-20

The effects of Na2SO4, CuSO4, and ZnSO4 on hematite/jarosite precipitation were also
investigated. Both ZnSO4 and CuSO4 pushed hematite conversion to jarosite to higher free acid
levels. Na2SO4 addition decreased the iron solubility due to sodium jarosite precipitation which
has a lower solubility than both hematite and potassium jarosite (Umetsu et al., 1977; Reaction 221).
Na2SO4(aq) + 3Fe2(SO4)3(aq) + 12H2O(l) → 2NaFe3(SO4)2(OH)6(s) + 6H2SO4(aq)

2-21

Tozawa and Sasaki (1986) studied the hydrolytic precipitation of hematite and jarosite from
Fe2(SO4)3-H2SO4 solutions at 170-200°C under 980.7 kPa oxygen pressure in the presence of
MgSO4, ZnSO4, Na2SO4, and CuSO4. Their experimental set-up was an improvement over
Umetsu et al. (1977) because samples could be taken at temperature. However, the set-up still did
not provide in-situ filtration. Tozawa and Sasaki (1986) showed that hematite precipitated from
Fe2(SO4)3-H2SO4 solution up to a certain free H2SO4 concentration after which jarosite
precipitates. It was demonstrated that MgSO4, ZnSO4, and CuSO4 all shift the hematite/jarosite
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transition to higher free H2SO4 with CuSO4 having a much smaller effect than MgSO4 and ZnSO4
for comparable molar concentrations. The results were in agreement with Umetsu et al. (1977).
Tozawa and Sasaki (1986) calculated the H+ concentration using Meissener’s activity coefficient
method (Kusik and Meissner, 1978) and showed that the metal sulfates disassociated, the sulfate
combined with H+ to form bisulfate ions, thereby reducing the H+ concentration (Reaction 2-22).
H+ + SO42 ̶ → HSO4 ̶

2-22

The bivalent metal sulfates reduced the H+ concentration and stabilized hematite precipitation
relative to jarosite precipitation. Sasaki et al. (1993) also measured hematite solubility via
hydrolytic precipitation from Fe2(SO4)3-H2SO4 solutions at 150°C, 170°C, and 220°C. The
researchers used an experimental set-up that was identical to that of Tozawa and Sasaki ( 1986).
They found that hematite precipitation occurred up to a specific free H 2SO4 concentration, after
which basic ferric sulfate precipitated.
Papangelakis et al. (1994) studied the conditions relevant to the hematite process. They used
speciation and thermodynamic data found in the scientific literature to build a hematite solubility
model in H2SO4 solutions at elevated temperatures. The Vasil’ev approach was used to calculate
mass-based equilibrium constants for the assumed speciation. The solubility of hematite from 50
to 100 g/L free H2SO4 at 200°C was experimentally measured to validate the model. The time
required to reach equilibrium was not mentioned. A 2L titanium autoclave with a glass liner was
used, and a magnetically driven titanium impeller provided agitation. The samples were drawn at
temperature using a dip tube and heat exchanger arrangement. A 45µm graphite filter attached to
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the sampling dip tube provided in-situ filtration. The experimental set-up had the advantage of the
ability to sample at temperature with in-situ filtration. However, solids penetrated the filter due to
its large porosity. The model required FeSO4HSO40 and FeHSO42+ complexes to produce the best
fit to the experimental data. The FeSO4HSO40 and FeHSO42+ complexes were predicted to be the
dominant species under conditions relevant to the hematite process. The speciation model yielded
results that followed the experimental trends, but its predictions were not accurate when compared
to the experimental data.
Liu et al. (2003) studied hematite solubility in H2SO4 solutions at 230-270°C. Their experimental
setup consisted of a 600 mL titanium stirred autoclave with a dip tube for withdrawing samples
at temperature. A 2 µm sintered titanium filter provided in-situ filtration. They identified Fe 3+,
FeSO4+, FeHSO42+, Fe2(SO4)30 and Fe(OH)2SO42− as the predominant species over the range of
free H2SO4 (0 – 0.7 M) and temperature studied. Free H2SO4 was measured after the solubility test
by chelating iron using Ca-CDTA followed by NaOH titration. Liu et al. (2003) also compared
their calculated solubilities with experimental data from Umetsu et al. (1977), Tozawa and Sasaki
(1986) and Papangelakis et al. (1994) and found that they were lower than the experimental data
but on the same order of magnitude. They concluded that approaching equilibrium via
precipitation yielded higher solubility values than approaching equilibrium via dissolution.
However, as mentioned earlier the solubility product for an iron oxide measured by both the
dissolution and precipitation methods should be in agreement provided the experimental
difficulties involving filtration are overcome and sufficient time is allowed to reach equilibrium
(Cornell and Schwertmann, 1996).
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2.9

Sulfur and sulfur dispersing agents in leaching processes

Sulfur has complex behavior in the medium temperature oxygen pressure leaching of sulfide
minerals. The recovery of elemental sulfur from sulfide concentrates is accomplished in four steps,
which comprise the pressure leach itself, flotation, melting-filtration, and purification (Chalkley et
al., 1993). Elemental sulfur formation becomes unfavorable with an increase in pH or temperature
(Arauco and Doyle, 1986). Improvement in the leaching kinetics and a minimum viscosity of
molten sulfur coincide at a leaching temperature near 150°C (Bolton, 1981). Temperature and
oxygen partial pressure dictate the formation of sulfuric acid in oxygen pressure leaching. The rate
of sulfur oxidation is extremely slow below its melting point, and above this temperature, it is
appreciable and increases rapidly with increasing temperature (Corriou and Kikindai, 1981;
Habashi and Bauer, 1966).
Sulfur, a yellow solid at room temperature is insoluble in water but soluble in carbon disulfide.
Sulfur tends to form stable compounds with all elements except noble gases, and it has the largest
number of allotropes (about thirty have been characterized). The main sulfur allotropes are S λ, Sμ,
and Sπ. In the solid-state, Sλ is the only stable sulfur allotrope. It crystallizes either as orthorhombic
α-S8, monoclinic β-S8 or monoclinic γ-S8. At atmospheric pressures, α-S8 is stable below 95.5°C;
above this temperature it transforms to β-S8, which is stable up to 114.5°C (Steudel et al., 2003).
Liquid sulfur is usually a combination of Sλ, Sµ, and Sπ. The proportion of Sλ is more than 90%
below 160°C. Above 160°C, the proportion of Sµ increases and at 180°C it is over 25%. The
proportion of Sπ is low at any temperature (Corriou and Kikindai, 1981). The dynamic viscosity
of liquid sulfur exhibits a minimum of 0.007 Pa.s at 157°C but increases dramatically in the
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temperature range 157-190°C, reaching a maximum of 93.2 Pa.s at 187°C. The viscosity begins to
decrease above 190°C and reaches 0.1 Pa.s at the boiling point, 444.6°C (Matsushima, 1959;
Meyer, 1964).
Sulfur dispersing agents used in hydrometallurgy are commonly referred to as surface active agents
or surfactants. A sulfur dispersing agent may be described as any substance with the ability to
disperse molten sulfur from sulfide mineral surfaces. Sulfur dispersing agents must have the ability
to increase the contact angle between liquid sulfur and sulfide minerals under oxygen pressure
leaching conditions. A surfactant is made up of a characteristic molecular structure which contains
a hydrophobic group and a hydrophilic group. The surfactants can be categorized into four groups
based on the nature of the hydrophilic group: anionic, cationic, zwitterionic, and non-ionic. The
structures of the hydrophobic group can include (Rosen, 2004): straight/branched alkyl groups
(C8-C20), alkylbenzene residues (C8-C15), alkylnaphthalene residues (≥C 3), polyoxypropylene
glycol derivatives, perfluoroalkyl and polysiloxane groups, rosin derivatives and lignin
derivatives.
Sulfur dispersing agents (SDAs) used in the oxygen pressure leaching of sulfides should not
introduce impurities into the slurry, they should not enter into any reactions that alter the essential
chemical nature of the constituents in slurry, and they should not have any negative impact on
downstream operations (Kawulka et al., 1975). Lignosulfonate (lignosol) and o-phenylenediamine
(OPD) may be used in the Vale and Teck’s CESL processes. In zinc pressure leaching, lignosol
and quebracho are commonly used. However, low-rank coal was also found to be an inexpensive
and effective additive with the potential to replace lignosol. It was found to be effective in
61

dispersing liquid sulfur in a pressure leaching experiment when more than 35% of the carbon in
the coal was in the aliphatic form (Barta et al., 1998; Collins and Kofluk, 1998, 1997).
However, the addition of dispersant does not always result in increased metal extraction (Huang
and Bernal, 1984). For example, a large amount of quebracho was found to hinder the reaction rate
by creating a barrier to mass transfer across the mineral-solution interface (Arauco and Doyle,
1986). Sulfur dispersants may also have a negative impact on the flotation of elemental sulfur postleaching. Lignosol and quebracho result in the formation of fine sulfur particles which are difficult
to recover through flotation (Chalkley et al., 1993). While lignosol was detrimental to sulfur
flotation due to its dispersing function (Xia et al., 1987), OPD had a negative impact on the power
consumption of the subsequent zinc electro-winning process (Alfantazi and Dreisinger, 2003).
The use of SDAs for leaching chalcopyrite in the temperature range 125–155°C to solve the sulfur
wetting problem and to enhance copper extraction was investigated (Hackl, 1995; Hackl et al.,
1995b, 1995a). It was found that most of the SDAs decomposed quickly and the best results were
obtained on a continuous addition of 50 kg/t OPD at 125°C. In the Dynatec process, low-rank coal
was used as a sulfur dispersant instead of water-soluble SDAs. Recently some researchers have
reported the use of polytetrafluoroethylene (PTFE) as a solid sorbent for sulfur removal (Guerra
and Shepherd, 2011; Jin and Guerra, 2012; Mathew et al., 2010). The PTFE must be recovered
from the residue and recycled for reuse.
While so much has been reported on SDAs, the literature is very scant on how these reagents affect
iron precipitation in the leaching of sulfide ores. Most of the SDAs discussed in the literature
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generate very fine sulfur particles which are mixed with iron oxide particles in the residue and
must eventually be separated from each other for the recovery of precious metals.
2.9.1

O-Phenylenediamine and reaction products

Phenylenediamines are aromatic diamines. The amine is an organic compound derived from
ammonia (NH3) in which organic groups replace one or more hydrogen atoms. A ‘diamine’ is an
organic compound with two amino groups, and an aromatic amine consists of an aromatic
ring attached to an amine (Vogt and Gerulis, 2000). The three isomers of phenylenediamine are
ortho-phenylenediamine (OPD), meta-phenylenediamine (MPD) and para-phenylenediamine
(PPD), simply referred to as o-phenylenediamine, m-phenylenediamine, and p-phenylenediamine.
The terms ortho, meta, and para are prefixes.to indicate the position of the amine on the benzene
ring. OPD is also known as 1, 2-diaminobenzene or 1, 2-phenylenediamine and these chemical
structures are shown in Figure 2-22 and Figure 2-23.

Figure 2-22: o-phenylenediamine (OPD)
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Figure 2-23: Positioning of the amine on the benzene ring

OPD is usually in the form of white to pale yellow leaf-like crystals or prism-like crystals. It
changes color from white to yellow, brown, purple, and finally to black when exposed to air. It is
readily soluble in hot water, ethanol, ether, chloroform and benzene (ChemicalBook, 2008). The
melting and boiling points of the phenylenes are listed in Table 2-2.
Table 2-2: Melting and boiling points of phenylenediamines
(Smiley, 2000)

Compound

Melting point, °C

Boiling point, °C

o-Phenylenediamine

102-103

256-258

m-Phenylenediamine

62-63

284-287

p-Phenylenediamine

145-147

267

The phenylenediamines have similar chemical properties as aromatic amines. They form stable
salts on reaction with acids. Their ease of oxidation to form complex colored compounds is the
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basis for their use in dyes and hair colorants. The various isomers differ significantly in chemical
reactivity due to the relative positions of the two amino groups. OPD readily form heterocyclic
compounds, whereas the m- and p- isomers do not. Benzimidazole is formed by a ring-closure
reaction of OPD with formic acid, and the oxidation of OPD with aqueous iron(III) chloride
produces 2,3-diaminophenazine as shown in Figure 2-24 (Smiley, 2000).

Figure 2-24: Reactions of o-phenylenediamine to form benzimidazole and 2,3-diaminophenazine
( Smiley, 2000)

In subsequent reactions, oligomers and trimers can be formed from the dimeric diaminophenazine
(Simándi et al., 1992; Smiley, 2000; Watanabe et al., 1989). Products of oxidative polymerization
show remarkably high thermostability, perhaps this is one of the reasons why OPD works so well
in pressure leaching of sulfides. The oxidation products formation mechanism is shown in Figure
2-25.
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Figure 2-25: Oxidation of o-phenylenediamine
(Simándi et al., 1992; Smiley, 2000; Watanabe et al., 1989)

Phenylenediamines are prepared by aromatic nitration followed by reduction. The initial starting
material in most cases is benzene. The principal method to synthesize OPD as shown in Figure
2-26, is by the reduction of 2-nitroaniline which is produced from 2-chloronitrobenzene with
ammonia (Squire, 1975). OPD is also produced by several other methods which include the
amination of 1,2-dichlorobenzene with ammonia (Andoh and Fujiwara, 1985), as shown in Figure
2-27 and the direct amination of aniline as shown in Figure 2-28 (Martin, 1939). A method
involving cyclohexane, sulfur, and ammonia has also been reported (Weigert, 1981).

Figure 2-26: Synthesis o-phenylenediamine from o-nitroaniline
(Squire, 1975)
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Figure 2-27: Synthesis o-phenylenediamine from o-dichlorobenzene
( Andoh and Fujiwara, 1985)

Figure 2-28: Synthesis o-phenylenediamine from o-chloroaniline
( Martin, 1939)

The discussion above explores the possibility of reactions OPD may be undergoing in an autoclave
under CESL conditions. Aniline has been used as a surfactant for sulfur dispersion in CESL
process (Salomon-de-Friedberg and Jang, 2015). The sulfonation of aniline as shown in Figure
2-29 also gives amino benzene sulfonic acid (Vogel and Furniss, 1989).
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Figure 2-29: Sulfonation of aniline
(Vogel and Furniss, 1989)

2.9.2

Effect of organic reagents on the viscosity of sulfur

The temperature (159°C), where the viscosity of liquid sulfur is the lowest undergoes a change on
the addition of various reagents to sulfur (Bacon and Fanelli, 1943; Doi, 1965; Fairbrother et al.,
1955). Doi (1965), studied the effect of different types of reagents on the viscosity of sulfur in the
temperature range of 120 to 200oC. The viscosity was measured with an Ostwald viscometer
dipped in a glycerin bath. The reagents were then classified into three groups based on their effect
on the viscosities of sulfur.
The halogen and dibenzothiazyl disulfide were classified as group 1. The temperature of the lowest
viscosity decreased as the quantity of the reagent increased up to a certain point, and after that, the
viscosity increased with the further addition of these reagents. Halogen was added as sulfur
monochloride (S2Cl2), which on thermal cleavage of the S-S bond produce Cl-S· radicals and the
bromine and iodine also produce Br- S· and I- S· radicals upon addition to liquid sulfur. Doi
(1965), explained that these radicals react with sulfur and promote sulfur polymerization which
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increases viscosities. Naphthalene, p-dichlorobenzene, diphenyl, and m-cresol were classified as
group 2. The liquid sulfur viscosity-temperatures curves without any reagent and with naphthalene,
p-dichlorobenzene or diphenyl are shown in Figure 2-30.
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Figure 2-30: Effect of various reagents on the viscosity of sulfur
(Bacon and Fanelli, 1943; Doi, 1965)
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These reagents raised the temperature at which sulfur viscosity is at its lowest, as their
concentration was increased. The viscosity of sulfur at 150°C was decreased, which is of relevance
to this work. These aromatic reagents do not react with sulfur but cause dilution of sulfur, thus
decreasing the viscosity. A 0.5% addition resulted in a 5% reduction in viscosity through dilution
as shown in Figure 2-30 . Hindrance of polymerization increases the temperature of the lowest
viscosity point (Doi, 1965). The group 3 reagents consisted of pyrogallol, p-benzoquinone, ά naphthol, tetramethyl thiuram disulfide, 2 mercaptobenzothiazole, and diphenyl guanidine. These
reagents were unstable against heat and changed considerably with time as did the viscosity of
sulfur.
2.9.3

Effect of organic reagents on sulfur polymerization

The organic reagents result in the formation of sulfur agglomerates due to a polymerization process
described in the literature as ‘inverse vulcanization’. Pyun et al. (2013, 2015), reported a novel
process, which was termed “inverse vulcanization”, which is a creative reversal of the
vulcanization process. Vulcanization has significant importance to the rubber industry. It is
a chemical process for converting natural rubber into the more durable material by heating
with sulfur. Sulfur modifies the polymer by forming cross-links (bridges) between individual
polymer chains of carbon. In 1905, George Oenslager discovered that thiocarbanilide, accelerated
the reaction of sulfur with rubber, leading to shorter cure times and reducing energy consumption
(Oenslager, 1933). Thiocarbanilide (C6H5NH)2CS is a derivative of thiourea, prepared by the
reaction of aniline and carbon disulfide.
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Later, in 1912, David Spence discovered p-aminodimethylaniline to be far superior accelerator,
improving the tensile strength of the rubber (Geer and Bedford, 1925). P-aminodimethylaniline is
also known as dimethyl-p-phenylenediamine (DMPD). Aniline, DMPD, and thiourea are used in
the leaching of copper sulfides (Dixon et al., 2018; Salomon-de-Friedberg and Jang, 2015). Inverse
vulcanization is a process where carbon atoms are introduced to cross-link the sulfur polymer
chains. The inverse vulcanization method takes advantage of sulfur’s ring-opening and chainforming tendencies at elevated temperatures. The binding of C molecules, to the sulfur radicals,
occurs when the sulfur’s S8 rings open as shown in Figure 2-31. The molten elemental sulfur itself
serves as the solvent.
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Figure 2-31: Schematic for (a) thermal ring opening of S8 into polymeric sulfur diradical forms (b)
copolymerization of S8 with DIB to form chemically stable sulfur copolymers
(Pyun et al., 2013, 2015)

The synthesis of polysulfides by inverse vulcanization introduced a new class of materials which
have been explored in a variety of contexts due to their interesting optical, electrochemical and
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self-healing properties (Boyd, 2016). Crockett et al. (2016) introduced a polysulfide prepared by
the inverse vulcanization of the renewable plant oil limonene as shown in Figure 2-32. The sulfurlimonene polysulfide was explored for use in coatings and devices that detect and remove
palladium and mercury from water and soil. The polysulfide initially red in color turned yellow
when exposed to mercury. Sulfur and unsaturated cooking oils from rapeseed, sunflower, and olive
plants were also co-polymerized using inverse vulcanization to form a polysulfide that captured
mercury from the air, water, and soil. This polysulfide was being considered for in situ
remediations of mine tailings, soil, and agricultural wastewater (Worthington et al., 2017).

Figure 2-32: Schematic for copolymerization of S8 with limonene to form chemically stable sulfur
copolymers
(Crockett et al., 2016)

Reactions of sulfur with 1,3-dichlorobenzene and 1,4-dichlorobenzene have also been investigated
to generate crosslinked or linear polysulfides, respectively (Boscato et al., 1981; Schmidt, 1970).
They are shown in Figure 2-33.
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Figure 2-33: Thermally induced and the lithium-initiated reaction of dichlorobenzene and sulfur to
generate polysulfides
(Boscato et al., 1981; Schmidt, 1970)

2.10 Summary
Iron control and removal is an important aspect of the hydrometallurgical leaching of sulfide
concentrates. In the CESL and Vale medium temperature leaching processes for sulfide
concentrates, iron is precipitated in the pressure oxidation step in the autoclave and reports to leach
residue. These leach residues were found to contain valuable metals associated with amorphous
iron oxide phases. The amorphous phases are metastable and transform to stable phases over time
releasing the associated metals into the environment. More importantly, iron precipitates capture
valuable metals and reduce overall process recoveries.
Therefore, these undesirable amorphous iron phases must be kept to a minimum to keep the loss
of valuable metals to a minimum. In CESL and Vale processes, hematite is a preferred iron oxide
as it is environmentally stable, compact and does not adsorb valuable metals comparatively.
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Efficient control of process parameters and the addition of specific reagents can promote iron
precipitation as hematite under the prevailing process conditions.
Iron precipitation as hematite involves several kinetic processes such as supersaturation, followed
by primary nucleation and crystal growth. The secondary changes such as recrystallization, aging,
aggregation, and secondary nucleation supersede crystal growth. Process conditions and faster
reaction rates result in an undesirable amorphous metastable phase which transforms to a more
stable phase on aging. The leach residue stability and metal intake are governed by the amount of
this metastable phase in the residue. It is, therefore, important to investigate the factors influencing
both amorphous Fe and hematite precipitation under the CESL and Vale processes. The quality of
hematite precipitates in terms of purity, particle size, particle shape is also important, and a careful
selection of seed and additives to achieve this goal also needs investigation. The metastable phase
has been identified as ferrihydrite, and the solubility and transformation of ferrihydrite under
CESL and Vale conditions also need investigation.
Sulfur control and removal is another important aspect of the hydrometallurgical process
pertaining to the leaching of sulfide concentrates. During the pressure leaching process, which
takes place at 150°C, sulfur is in its molten state and sulfur dispersants are used to prevent it from
coating the unleached sulfur mineral particles. The effect of these dispersing agents on the iron
precipitation also needs investigation. Furthermore, sulfur, in CESL and Vale’s medium
temperature leaching processes for sulfide concentrates reports to leach residue as elemental sulfur
and is also often found associated with valuable metals such as gold and platinum group metals.
Thus, the separation of the elemental sulfur product from the residues is an important process
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consideration. Since surfactants can affect the size and nature of the sulfur product, they are also
important from this perspective.
There remains a need to better understand the effect of various process parameters on the complex
chemistry of iron precipitation and to explore the effect of various sulfur dispersing agents on
sulfur and iron morphology for the conditions relevant to the CESL and Vale processes. The
avenues that require further investigation are: characterization of the leach residue samples
(particularly those generated from the Vale process) to reconfirm that amorphous iron oxide phases
are indeed responsible for higher loss of associated metal in the leach residue as witnessed by Sahu
and Asselin (2011); study of the process variables in sulfide concentrate leaching to elucidate the
factors that have a pronounced effect on iron precipitation and associated metal loss; control the
kinetics of the iron precipitation during leaching; study of the iron precipitation products; study
the effect of various additives for sulfur control in the autoclave; and finally, the ferrihydrite
solubility and its transformation kinetics. These aspects have been identified to better understand
the CESL and Vale iron precipitation and sulfur behavior and ultimately will lead to rejection of
iron and sulfur to the leach residue with the minimum associated metal loss, in a stable form and
with improved (larger particles) sulfur morphology. This would then provide a more efficient iron
and sulfur rejection process. Secondly, an improved understanding of the general aspects of iron
precipitation, sulfur control, and additives can also be of benefit to a more general audience for
iron and sulfur control in hydrometallurgy. The objectives of this work are discussed in Chapter 3
and are in accordance with the various aspects mentioned above.
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CHAPTER 3: RESEARCH OBJECTIVES
The discussion in the previous sections indicates that ferrihydrite (or possibly schwertmannite)
would form as a precursor to hematite even in an acidic sulfate medium at 150°C, although
unequivocal evidence is lacking.
The exact nature of the “amorphous” phase is also unclear. However, regardless of the exact nature
of the “amorphous” phase, reduced crystallinity is contributing to copper losses in the CESL
process, and a similar phenomenon is likely at work in the Vale process. Furthermore, aside from
the issue of “amorphous” phases, the conditions leading to the precipitation of jarosite have also
not been clearly identified particularly with regards to precipitation during actual concentrate
leaching (as opposed to reagent-based experiments). The main hypothesis presented in this thesis
is that the nature and crystallinity of iron precipitates from the CESL and Vale processes can be
beneficially controlled to make more hematite by altering the process conditions and chemistry.
Given the background presented above and the detailed literature review in Chapter 2, the
objectives of the present research are:
1. Investigate and establish conditions to maximize the Fe to Cu (or Ni) ratio in the final
process residues and minimize Cu (or Ni) losses to the Fe residue.
2. Establish the solubility of ferric in the sulfate-chloride system and identify the main
mechanism contributing to ferrihydrite transformation so that it may be leveraged.
The objectives defined above are achieved through the following experimental studies:
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i.

Residue characterization: Identifying the amorphous or poorly crystalline iron phases in
the medium temperature sulfide concentrate leach residues by HaHC extractions, QXRPD,
TEM, and Mössbauer spectroscopy. Ruling out the possibility that jarosite doped with
copper is a poorly crystalline iron phase in the residues.

ii.

Optimizing process conditions: Investigating the effect of acid concentration, seed, seed
recycle, residue recycle, retention time and grind size on HaHC soluble phase and copper
recovery in pressure oxidation leaching of sulfide concentrates under CESL conditions.

iii.

Assessing the effect(s) of reagents: Examining the effect of sulfur dispersing agents on the
HaHC soluble phase and copper recovery in pressure oxidation leaching of sulfide
concentrates under CESL conditions.

iv.

Modifying reagent additions: Investigating the effect of hematite crystal growth modifiers,
iron complexing agents and sulfur modifiers on the HaHC soluble phase and copper
recovery in pressure oxidation leaching of copper sulfide concentrates under CESL
conditions. Testing a novel reagent(s) for iron in pressure oxidation leaching of sulfide
concentrates under CESL conditions.

v.

Transforming the residue: Studying synthetic ferrihydrite behavior including solubility
and transformation in the presence of copper, nickel, and chloride ions under CESL
conditions.
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CHAPTER 4: EVALUATION OF CRYSTALLINITY IN CESL AND VALE
LEACH RESIDUES
The leach residues produced from hydrometallurgical processing of sulfide ores at CESL’s pilot
plant and Vale’s demonstration plant operating at medium temperature (150°C), were analyzed by
various characterization techniques. The residues contain amorphous/poorly crystalline and
metastable nanoscale iron oxides/oxyhydroxide phases which dictate the properties of these
residues and contain a relatively high loading of the valuable (Cu, Ni) metals. The following
characterization techniques were employed.
1. Quantitative X-ray powder diffraction QXRPD,
2. Sequential extraction,
3. Digestion & ICP-MS,
4. Transmission electron microscopy and
5. Mössbauer spectroscopy.
Digestion & ICP-MS was performed by dissolving the solids using a combination of HCl
(hydrochloric acid), HNO3 (nitric acid), HF (hydrofluoric acid) and HClO4 (perchloric acid). The
solutions thus obtained were analyzed by ICP-MS. The multi-acid digestion procedure is presented
in Appendix A. The poor agreement between the total iron analysis by Digestion & ICP-MS and
QXRPD indicated the presence of amorphous/poorly crystalline iron oxide phases. A two-stage
sequential extraction process determined the distribution of copper and nickel in the amorphous
and crystalline iron oxide phases. The QXRPD data combined with sequential extraction data was
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used to quantify the amorphous iron phases. These amorphous iron oxides/oxyhydroxides were
found to be the main source of copper and nickel losses to the residue. The amount of copper and
nickel associated with the amorphous phases was found to be ~ 2–4 times higher than that
associated with the crystalline iron oxide phases.
4.1

Introduction to iron phases in leach residues

The residues from the hydrometallurgical processes usually contain elemental sulfur and iron
oxide phases along with associated gangue minerals. The chemistry of iron precipitation in
hydrometallurgical circuits is quite complex, and it can precipitate in different oxide forms with
variable crystallinity. Iron precipitates can be divided into three regimes to explain the different
iron phases in the leach residues in the present study: (i) crystalline (ii) poorly crystalline and (iii)
amorphous iron oxides. The regime (i) phases usually constitute hematite, goethite, and jarosite.
The possible phases in regime (ii) can be hematite and goethite, as both phases have been shown
to exhibit variable crystallinity (Johnston and Glasby, 1978; Machala et al., 2007; Schwertmann
et al., 1985), and regime (iii) can contain phases such as ferrihydrite and schwertmannite. These
regimes exist on a continuum.
Ferrihydrite, discussed in Section 2.4, although often labeled as amorphous is not strictly
amorphous (Jambor and Dutrizac, 1998; Janney et al., 2001, 2000a, 2000b) and commonly refers
to a range of poorly crystalline iron oxide phases of which 2-line ferrihydrite (exhibiting 2 broad
XRD peaks) and 6-line ferrihydrite (exhibiting 6 broad XRD peaks) are more common. Several
studies on hydrometallurgical residues have identified the presence of regime (iii) phases.
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Loan ( 2002) identified approximately 40–50%, 6-line ferrihydrite in the paragoethite process,
which is used in zinc hydrometallurgy. Sahu and Asselin (2011), identified ferrihydrite in one of
thirteen medium temperature sulfide leach residue samples. Steel et al. (2010), identified phases
which were soluble in the reagents selective for amorphous iron oxides. However, true
quantification of these phases, in hydrometallurgical residues, and associated valuable metal loss
remains an issue in hydrometallurgy. In all the studies discussed above, the possible presence of
regime (ii) phases was not addressed.
The amorphous/poorly crystalline phases do not respond to the X-ray diffraction as crystalline
phases do. The regime (ii) and regime (iii) phases, if not considered carefully, result in inaccurate
quantification of the crystalline phases determined by regular XRD. The leach residues have
gangue minerals that can also contribute to the regime (ii) and regime (iii) phases. The focus of
this study will be the iron oxide phases in the regime (ii) and (iii). The presence of regime (ii) and
(iii) phases in CESL and Vale residues is determined by QXRPD combined with the elemental
analysis from Digestion & ICP-MS and sequential extraction. TEM and Mössbauer studies
complemented the results.
4.2

Samples and leaching conditions

Sulfide concentrate leach residue samples (labeled as S1, S2, and S3) were supplied from CESL
(S1 and S2) and Vale (S3) operations. The Munsell color of sample S1 was 7.5YR 5/6 (strong
brown dry), sample S2 was 10R 4/6 (red-dry), and sample S3 was 10R 3/6(dark red-dry). The
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mineralogy of the concentrates used to generate the three samples is given in Table 4-1. The
general conditions under which samples were generated are given in Table 4-2.
Table 4-1: Mineralogy of concentrates pertaining to leach residues S1, S2, and S3

Phase name

Formula

R (wt %)
S2
35

S3
7

Chalcopyrite

CuFeS2

S1
38

Cubanite

CuFe2S3

-

30

-

Enargite

Cu3AsS4

20

1

-

FeS2

18

-

-

Cu5FeS4

7

-

-

Covellite

CuS

5

-

-

Tennantite

(Cu,Fe)12As4S13

2

-

-

Sphalerite

(Zn,Fe)S

2

-

-

Pentlandite

(Fe,Ni)9S8

-

5

63

Pyrrhotite

Fe1-X S

-

7

29

Others

Gangue

8

22

1

Pyrite
Bornite

Table 4-2: Leaching conditions that generated leach residues S1, S2, and S3
aOperating

parameters

Unit

S1

S2

S3

kPa(g)

1298

1264

1030

C

150

150

150

Retention time

min

91

58

80

Free acid concentration

g/L

10.7

0.0

10-12

Solids loading

%

10.2

23.2

b

[Cl-]

g/L

11.2

10.4

5

Total pressure
Temperature

o

5

a

The horizontal Ti autoclave has four compartments, the first is larger and contains 2 agitators, the other three have
only one agitator. It has a 2:1 ellipsoidal head with an inner diameter of 2.1m and a length of 10.7m (tangent-tangent);
b
The Vale process operates at low solids loading due to restrictions on the tank house capacity. Feed slurry diluted
with coolant and anolyte from electrowinning before entering the autoclave.
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The leach residues, produced from the leaching of sulfide concentrates, were washed, sampled,
and dried in an oven at 60°C overnight. Dried samples were lightly ground with an agate mortar
and pestle and a portion completely digested using a combination of HCl (hydrochloric acid),
HNO3 (nitric acid), HF (hydrofluoric acid) and HClO4 (perchloric acid) with the resulting solution
analyzed by ICP-MS.

4.3 Quantitative X-ray powder diffraction (QXRPD)
Quantitative phase analysis was performed using the Rietveld method and X-ray powder
diffraction data. For this purpose, each sample was reduced into a fine powder (~10 μm) to obtain
an optimum grain-size range for X-ray analysis. A vibratory micronizing mill was used for this
purpose. Corundum was employed as an internal standard for quantification of the relative
amounts of crystalline and amorphous phases. Continuous-scan X-ray powder-diffraction data was
collected over a range of 3–80° 2θ with CoKα radiation on a Bruker D8 Focus Bragg–Brentano
diffractometer. The X-ray diffractograms were analyzed utilizing the International Centre for
Diffraction Database PDF-4 and Search-Match software DiffracPlus Evaluation 19.0.0.0 before
the Rietveld analysis.
The amorphous content was estimated by adding a weighed amount of a spike phase (NIST
Standard Reference Material 676a) with known crystallinity of 99.02 wt%. In the presence of
amorphous content, the amount of spike is overestimated, and the amorphous content can be
determined. The illustration of the procedure is provided in Appendix B. This method enables the
measurement of the amorphous content with an accuracy of close to 1% (De La Torre et al., 2001).
The comparison of the phases using regular XRD and QXRPD is given in Table 4-3. The X-ray
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amorphous content was varied between 30.5 and 52.7 wt% as shown in Table 4-3. The fraction of
the amorphous phase resulting from the presence of regime (ii) and/or regime (iii) phases was
determined by sequential extraction scheme as shown in Figure 4-1.
Table 4-3: Comparison of phases in samples S1, S2, and S3 as determined by XRD and QXRPD
X-ray amorphous content varies from 30.5 to 52.7 % (error ± 2 %)

Phase name

Ideal formula

Albite low

NaAlSi3O8

Chalcopyrite

Regular XRD

QXRPD

S1

S2

S3

S1

S2

S3

2.0

4.4

-

0.9

2.5

-

CuFeS2

-

-

0.3

-

-

0.2

Goethite

α-Fe(III)O(OH)

-

6.3

11.5

-

3.5

8.0

Gypsum

CaSO4.2H2O

6.8

-

1.5

3.2

0.6

1.0

Hematite

α-Fe2O3

-

37.1

50.4

-

20.6

35.0

Jarosite

KFe(III)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

4.0

-

3.9

2.2

-

Pyrite

FeS2

3.3

-

-

1.5

-

-

Quartz low

SiO2

9.0

-

-

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

-

-

-

-

-

52.7

44.5

30.5

100

100

100

100

100

100

X-ray amorphous
Total

83

4.4

Iron phases by sequential extraction

In order to determine the amounts of amorphous and crystalline iron oxides/oxyhydroxides in leach
residue samples and the distribution of copper/nickel in these phases, a two-stage sequential
extraction was employed in this study. Hydroxylamine hydrochloride (HaHC) was the preferred
reagent for selective extraction of the amorphous or poorly crystalline iron oxides/oxyhydroxides.
Studies of metal partitioning in soils and sediments have used selective dissolution of Fe and Mn
oxides, to release the associated trace elements, with different types of acids and reducing reagents
(Borggaard, 1982, 1981, 1976; Brook and Moore, 1988; Chao and Zhou, 1983; McCarty et al.,
1998; Tessier et al., 1979). Such studies have not been able to directly demonstrate that the various
extraction solutions specifically remove metals from only one component (e.g., ferric oxides only).
It is not clear which crystalline phases (e.g., goethite or magnetite, etc.) are preferentially
dissolved, even though claims are made as to species and crystallinity of the recovered compounds
(Cornell and Schwertmann, 1996; Zelany et al., 1986).
A 0.2 M acid oxalate buffer (pH 3, with extraction over 4 h in the dark) has been considered a
fairly specific solvent for ferrihydrite and other amorphous iron oxyhydroxides and has been
widely used in the past for the selective dissolution of these phases. (Farmer et al., 1983; Parfitt
and Childs, 1988). Borggaard (1982, 1979) concluded that ethylenediaminetetraacetic acid
(EDTA) could selectively extract amorphous iron oxides from mixtures of crystalline iron oxides
including goethite and hematite. A neutrally buffered citrate bicarbonate dithionite (CBD) system
has been used for complete removal of free iron oxides (Mehra and Jackson, 1960). The most
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widely used chemical extractions for iron are those utilizing dithionite (Canfield, 1989; Mehra and
Jackson, 1960), HaHC (Berger et al., 2008; Chester and Hughes, 1967) or ammonium oxalate
(McKeague and Day, 1966; Phillips and Lovley, 1987).
The comparisons between these methods (Kostka and Luther, 1994; Poulton and Canfield, 2005;
Raiswell et al., 1994) have clearly shown that HaHC is the most selective for iron oxyhydroxides,
especially ferrihydrite. The use of HaHC for selective extraction of poorly crystalline/amorphous
iron oxides was also preferred over other methods by Chao and Zhou (1983). It has the following
advantages over the commonly used oxalate method: The oxalate method is complicated because
it requires the extraction to be done in the dark over 4 h, it also recovers, in some cases, magnetite,
and goethite (Brady et al., 1986; Golden et al., 1994; Rhoton et al., 1981), and Fe (II) catalyzes the
reduction and dissolution of hematite in the presence of oxalate, and this same reaction has been
shown to reductively recover magnetite (Luther et al., 1992; Sulzberger et al., 1989).
In comparison, HaHC is fast (30 min, does not require darkness), only attacks ferrihydrite and does
not recover crystalline phases (<1 % of total iron) (Chao and Zhou, 1983). The dissolution of
ferrihydrite by HaHC occurs by reduction of Fe(III) to Fe(II) like the dissolution mechanism of
manganese oxide by reduction of Mn3+ to Mn2+ (Neaman et al., 2004) as shown in Reaction 4-1,

Mn2O3(c) + 2NH3OH+(aq) + 2H+(aq) → 2Mn2+(aq) + N2(g) + 5H2O(l)

4-1

The hydrolysis of NH2OH-HCl in water produces protons consumed by the Reaction 4-2,
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NH3OH+(aq) + H2O(l) → NH4OOH(aq) + H+(aq)

4-2

It can be assumed that HaHC dissolves ferrihydrite in the leach residues by the same theoretical
mechanism as described above for manganese oxide as shown in Reaction 4-3,

5Fe2O3•9H2O(am) + 10NH3OH+(aq) + 10H+(aq) → 10Fe2+(aq) + 5N2(g) + 34H2O(l)

4-3

The two-stage sequential extraction scheme is given in Figure 4-1. The regime (iii) phases, along
with the water-soluble phases were recovered in the first stage. The regime (i) and (ii) phases were
leached in the second stage.
In the first stage of extraction, ~ 5 g of the leach residue (R) was leached using 0.25 M HaHC and
0.25M hydrochloric acid at 50°C under atmospheric pressure for 30 min, keeping the solid to the
liquid mass ratio at 1:50. The reaction mixture was filtered and analyzed for Cu, Fe, Ni, As, Si and
Ca. The remaining residue (R1) was dried in an oven at 60°C, weighed and the percent weight loss
was calculated. In the second stage, ~1.5 g of R1 was leached with 4 M hydrochloric acid at 95°C
and atmospheric pressure for 30 min keeping the solid to the liquid mass ratio 1:50. The filtrates
were analyzed for Fe, Cu, Ni, As, Si and Ca. The remaining unleached residue (R2) was dried in
an oven at 60°C, weighed and the percent weight loss calculated. In some experiments where
residue R2 was less than one gram, experiments were repeated several times to generate enough
sample for characterization. After necessary correction for the water-soluble phases (crystalline
gypsum) from the weight loss in the first stage extraction, the amount of regime (iii) phases was
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determined. The weight loss in the second stage extraction gives the amount of regime (i) and (ii)
iron oxide phases. Each sample was put through the two-stage sequential process eight times.
Additionally, for each stage, two different solid to liquid ratios were utilized to check the
reproducibility. The weight losses were within a standard deviation of 2%.

Figure 4-1: Sequential extraction scheme for the determination of HaHC soluble and crystalline
iron oxides phases

87

The chemical analysis of the solid residue samples showed the presence of 1.1 and 1.4 wt% Cu, in
samples S1 and S2, respectively, and approximately 1.0 wt% Ni in sample S3. The distribution of
copper and nickel in different phases as determined by the two-stage sequential extraction
technique are presented in Table 4-4.
Chemical analysis for Fe, Cu, As, Si, Ca and Ni was carried out on both the 1 st stage and 2nd stage
filtrates. Cu and Ni recovered during 1st stage extraction was attributed to regime (iii) phases, i.e.,
when these phases are recovered in 1st stage extraction, Cu and Ni associated with these phases
are also solubilized. Regime (iii) phases are calculated after necessary correction for calcium, as
1st stage extraction results in calcium dissolution also.
The first stage extraction used in this study is considered selective for the dissolution of amorphous
iron oxide phases and has been successfully used by many authors (Berger et al., 2008; Chao and
Zhou, 1983; Chester and Hughes, 1967; Sahu and Asselin, 2011). As discussed earlier, this
technique has several advantages over the conventional oxalate method (Raiswell et al., 1994).
The Cu/Ni recovered during the 2nd stage extraction is thus associated with regime (i) and (ii)
phases. All the 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 agrees well with
the Digestion & ICP-MS analysis of solids in all three samples as shown in Table 4.3. The slight
difference between sequential extraction iron data and the Digestion & ICP-MS iron data is
attributed to the phases containing iron that remained un-recovered throughout the two-stage
extraction as determined by QXRPD of residue (R2) (tennantite, pyrite, and chalcopyrite).
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Table 4-4: Distributions of Fe, Cu, As, Ca and Ni in mass percent determined by the 1st and 2nd
stages of sequential extraction and compared to Digestion & ICP-MS of the dried as-received solids

Sequential extraction

S1

S2

S3

12.1

4.5

1.1

Fe 2 stage extraction (%)

9.7

27.8

38.0

Total Fe (sequential extraction) (%)

21.8

32.3

39.1

Total Fe (Digestion & ICP-MS of R) (%)

22.6

32.8

40.0

% Fe recovered by sequential extraction

96.5

98.5

97.5

Cu 1st stage extraction (%)

0.50

0.38

0.05

Cu 2nd stage extraction (%)

0.23

0.94

0.46

Total Cu (Sequential extraction) (%)

0.73

1.32

0.51

Total Cu (Digestion & ICP-MS of R) (%)

1.1

1.38

0.57

% Cu recovered by Sequential extraction

66

96

89.5,

Ni 1st stage extraction (%)

-

-

0.05

Ni 2nd stage extraction (%)

-

-

0.70

Total Ni (sequential extraction) (%)

-

-

0.75

Total Ni (Digestion & ICP-MS of R) (%)

-

-

0.90

% Ni recovered by sequential extraction

-

-

83.3

As 1 stage extraction (%)

2.69

0.002

-

As 2nd stage extraction (%)

2.64

0.320

-

Total As (Digestion & ICP-MS of R) (%)

6.10

0.340

-

Total Si (Digestion & ICP-MS of R) (%)

6.6

9.5

0.23

Ca 1st stage extraction (%)

0.72

0.03

0.2

Ca 2 stage extraction (%)

0.061

0.37

0.03

Total Ca (%)

0.78

0.40

0.23

Fe 1st stage extraction (%)
nd

st

nd

When ratios of Cu/Fe and Ni/Fe for the 1st and 2nd stage extractions were compared it was found
that, in all cases, the ratios were higher for 1st stage extraction than for 2nd stage extraction as
shown in Table 4-5. The copper and iron recovered during 1st stage extraction is compared in
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Figure 4-2. It is clear from that a higher amount of amorphous iron leads to higher loss of Cu to
the residue.
Table 4-5: Comparison of ratios of Cu/Fe and Ni/Fe during 1st and 2nd stage extractions

1st stage

2nd stage

1st stage

2nd stage

Cu/Fe

Cu/Fe

Ni/Fe

Ni/Fe

S1

4.13

2.37

-

-

S2

8.44

3.38

-

-

S3

5.0

1.33

4.5

1.84

Sample

14

2.0
HaHC Fe (%)
HaHC Cu (%)

1.6

HaHC Fe (%)

10
1.2

8
6

0.8

HaHC Cu (%)

12

4
0.4
2
0

0.0
S1

S2

S3

Figure 4-2: Fe and Cu dissolved by HaHC extraction for the samples S1, S2, and S3
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4.5

Iron analysis comparison

Total iron determined from QXRPD and Digestion & ICP-MS analysis of the residues is compared
in Table 4-6. All the elemental percentages are reported as a percentage of R as mentioned above.
Only 5.3% iron in sample S1 is in the crystalline form, distributed among different minerals as
determined by QXRPD (Table 4-3). The remaining iron (17.3%, Table 4-6) in S1, if present as a
HaHC soluble phases, then the chemical analysis of 1st stage filtrate should have detected the
remaining 17.3% as iron. However, only 12.1% of iron was recovered during the 1 st stage of
extraction, and the 2nd stage extraction recovered 9.7% iron. All iron oxides that remain
unrecovered during 1st stage are recovered in the 2nd stage. Jarosite also is recovered during 2nd
stage extraction, but other non-oxide (e.g., pyrite and tennantite) iron phases remain intact. After
considering the iron from jarosite, it was found that approximately 5% of iron remained
unaccounted for in unknown phases. This unaccounted iron was assigned to the regime (ii) phases.
In a similar way, about 11.5% and 9.1% iron was found to be associated with regime (ii) phases in
sample S2 and S3, respectively.
Table 4-6: Comparison of total Fe from Digestion & ICP-MS, QXRPD, 1st and 2nd stage extraction
for S1, S2, S3

Total Fe %
Sample

Digestion & ICP

QXRPD

ICP-QXRPD

1st stage

2nd stage

S1

22.6

5.3

17.3

12.1

9.7

S2

32.8

16.8

16.0

4.5

27.8

S3

40.0

29.9

10.1

1.1

38.0
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4.6

Determination of HaHC soluble amorphous phases

Based on the comparison of mass loss during 1st stage sequential extraction with the amount of
amorphous content determined by QXRPD (Table 4-3), the amount of hydroxylamine
hydrochloride (HaHC) soluble phase was determined. These phases are a subset of the X-ray
amorphous phases and do not contribute to the diffraction patterns. These are recovered by a mild
chemical attack by HaHC during sequential extraction. The amount of HaHC amorphous phase
was calculated as Equation 4-4:

HaHC (%) =

R − R1
∗ 100 − X
R

4-4

Where R is the total mass of residue, R1 is the mass of the residue left after the first stage of
extraction, and ‘X’ is the difference between the weight percent of phases in ‘R’ and ‘R1’
calculated from the QXRPD data as shown in Table 4-7. This difference was not considered when
it was less than 1.0 wt%.
The difference between the amorphous phases calculated from sequential extraction and the
QXRPD amorphous content of R and R1 were in good agreement (Table 4-7). These values also
agree well with the mass balance of the Digestion & ICP-MS iron from first stage filtrates. For
example, in the case of sample S1, the difference between QXRPD amorphous content of ‘R’ and
‘R1’ was 24.6 wt% while amorphous phase by sequential extraction was calculated to be 25.8 wt%
(Table 4-7). In the case of S1 and S2, the difference between QXRPD amorphous content of R and
R1 was 5.9 and 3.0 wt% while the amorphous phase by sequential extraction was calculated to be
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7.2 and 2.2 wt%. Similarly, Digestion & ICP-MS analysis of the first stage filtrates showed the
presence of ~12.1 wt% Fe.
Table 4-7: QXRPD analysis of samples S1, S2 and S3; as received (R), after 1st stage extraction (R1)
and 2nd stage extraction (R2)
Weight loss during sequential extraction(SX), X-ray amorphous phase, and HaHC amorphous phases are
compared. Weight losses for R1 and R2 are due to first and second stage extractions, respectively. Results
are within 2 wt% error. R1 and R2 corrected for weight loss using Rietveld refinement
Phase name

Ideal formula

R (wt%)

R1 (wt%)

R2 (wt%)

S1

S2

S3

S1

S2

S3

S1

S2

S3

0.9

2.5

-

-

2.3

-

-

1.5

-

Albite low

NaAlSi3O8

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

-

-

0.3

-

-

-

-

-

0.3

Goethite

α-Fe(III)O(OH)

-

3.5

8.0

-

3.9

10.1

-

-

-

Gypsum

CaSO4.2H2O

3.2

-

1.0

-

-

-

-

-

-

Hematite

α-Fe2O3

-

20.6

35.0

-

17.9

33.6

-

-

-

Jarosite

NaFe(III)3(SO4)2(OH)6

13.5

0.6

1.0

8.2

-

-

-

-

-

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

-

1.4

-

-

1.5

-

-

Pyrite

FeS2

1.5

-

-

1.0

-

-

1.1

0.3

0.1

Quartz low

SiO2

4.2

-

-

4.0

-

-

4.7

0.9

-

Sulfur

S8

16.3

19.6

24.2

17.2

20.4

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

-

-

52.7

44.5

30.5

28.1

38.6

27.5

24.0

15.4

8.8

-

-

-

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

-

-

-

-

-

-

X-ray amorphous
SX wt. loss
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The stoichiometry of the iron compound dissolved in the first stage is not known. If it is assumed
to be ferrihydrite with the generally accepted formula 5Fe2O3•9H2O, the mass balance of the iron
dissolved in the first stage indicates the presence of ~20 wt% ferrihydrite which is very close in
comparison to the amorphous content calculated from QXRPD and sequential extraction. The
amorphous/poorly crystalline iron oxyhydroxides identified in many soils

(Schulze, 1981;

Schwertmann et al., 1982; Taylor, 1959) and in hydrometallurgical residues (Claassen et al., 2002;
Loan et al., 2002a,2002b, 2006; Steel et al., 2010; Sahu and Asselin, 2011) were reported to be
ferrihydrite. However, ferrihydrite could not be conclusively identified with sequential extraction
and quantitative phase analysis.
4.7

Transmission electron microscope

The transmission electron microscope (TEM) is an important tool for the microstructural
characterization of iron phases in leach residues. The basic principle in the case of the TEM is that
the beam of electrons is transmitted from the sample, magnified, and then recorded using
photographic film or digital imaging. Like X-ray diffraction technique, TEM can provide selected
area electron diffraction crystallographic patterns by generating information about the arrangement
of atoms, imaging of atomic scale defects, and the degree of crystalline order from the residues. In
the XRD diffraction, the patterns measured are more quantitative than electron diffraction patterns
measured by TEM. However, the electrons can be focused easily, and this is a significant
advantage the electrons have over the X-rays. The diffraction patterns can be measured from
microscopic regions by focusing the electron beam. It is often possible to select a single
microcrystal for a diffraction measurement. The high-energy electrons in TEM cause electronic
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excitations of the atoms in the specimen. TEM uses energy-dispersive X-ray spectrometry (EDS),
to obtain chemical information from electronic excitations. The X-ray spectrum is acquired from
small regions of the specimen illuminated with a focused electron beam. The characteristic X-rays
from the chemical elements are used to determine the concentrations of the different elements in
the sample. In scanning transmission electron microscope (STEM), a narrow ( ∼1–10 Å), a focused
beam of electrons is moved in across the specimen. The emitted X-rays, secondary electrons, or
backscattered electrons data is then acquired from the sample. The STEM mode of operation is
beneficial for spectroscopy work, as it allows the acquisition of a “chemical map” of the sample.
In a leach residue sample, we could make an image of the distribution of Fe in a sample if we were
to measure the emission of Fe Kα X-rays with the EDS spectrometer (Fultz and Howe, 2013).
In the case of nanocrystalline phases, the TEM is a versatile tool for obtaining information in realspace, i.e., directly from images and in reciprocal space, i.e., from diffraction (Bendersky and
Gayle, 2001). Diffraction can be achieved by two common approaches, selected area diffraction
(SAED) or convergent-beam electron diffraction (CBED), simply known as nano-diffraction. In
SAED, a nearly parallel beam of electrons as small as ~100 nm in diameter is used to perform
selected-area electron diffraction on particles. SAED is feasible on individual crystals, but it
becomes problematic when the maximum particle dimensions are significantly less than the size
of the beam (i.e., << 100 nm) (Steeds and Morniroli, 1992). Therefore, in the case of nano-sized
particles (< 10 nm), SAED is instead performed by illuminating with the electron beam groups of
particles aggregated with various orientations. The diffraction pattern resulting from scattering of
many particles is characterized by rings instead of spots. Nano-diffraction involves diffraction on
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extremely small individual crystals (Morniroli, 2006; Morniroli and Steeds, 1992). A convergent
beam of electrons covering a range of incident angles can be focused to a spot size less than 1 nm
in diameter. When directed at an individual particle the scattering generated results in a disc
diffraction pattern and contained information of the structure. However, since it is not possible to
tilt an individual crystal to any orientation, many diffraction patterns are obtained on many
different particles, each with a different orientation. In both SAED and nano-diffraction, the
resulting electron diffraction pattern (rings or discs) are ultimately treated in a manner synonymous
with using standard XRD structure determination and analysis methods. The Bragg features are
identified, and structural information is obtainable by matching it to known structure types.
In the direct measurement of crystal dimensions, crystal morphology and phase identification of
iron oxides, TEM has proven to be a powerful technique. Schwertmann and Cornell (2000),
reported that they could detect X-ray amorphous iron oxide phases with TEM. TEM was used to
study the effect of the acid attack on akageneite, and it was found that the crystals became hollowed
out in the [001] direction (Cornell and Giovanoli, 1988). Cornell et al. (1990) studied the effect of
cysteine on goethite formation from ferrihydrite and were able to identify changes in the crystalline
morphology. Cornell et al. (1987) used TEM to observe the effect of silicate species on the
transformation of ferrihydrite to goethite and hematite crystals and found that silicate species
retards the transformation. TEM was also used to study the transformation of ferrihydrite to
manganian goethite or jacobsite in the presence of manganese (Cornell and Giovanoli, 1987). The
transformation of ferrihydrite in the presence of cobalt was studied, and it was found that goethite
is suppressed in favor of hematite and magnetite (Cornell and Giovanoli, 1989). It was found that
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the presence of copper slows the transformation of ferrihydrite (5Fe2O3•9H2O) into crystalline
products (Cornell and Giovanoli, 1988). The extremely high magnification power of TEM has
proven invaluable for the identification of crystal shapes, defect recognition and direct crystal
measurements.
Loan et al. (2002), positively identified ferrihydrite in the hydrometallurgical residues using TEM.
The broad reflections in an XRD pattern of ferrihydrite are the result of poor long-range structural
order and very small primary particle size (1-7 nm). The number of these reflections seen as diffuse
rings in electron diffraction (ED) patterns provides a basis for nomenclature and identification of
ferrihydrites with different degrees of crystallinity, e.g., 2-line and 6-line ferrihydrite. TEM
combined with SAED is an important ferrihydrite identification technique. It allows the poorly
diffracting ferrihydrite to be discriminated from other phases. Morphology can be a good
discriminator with conformation from SAED, as goethite generally precipitates with high aspect
ratios, hematite as dense rhombs, plates, and prisms, and 2-line ferrihydrite as aggregates of 1-3
nm rounded crystals or 3-7 nm crystals with more hexagonal facets for 6-line ferrihydrite as listed
in Table 4-8.
Two different TEM instruments were used for the analysis of the leach residue samples. TEM and
SAED analyses were performed using an FEI Tecnai G2 instrument with a LaB6 filament operated
at 200 kV. The elemental mapping was carried out using FEI Tecnai Osiris™ scanning TEM
(STEM) and EDX. This TEM is equipped with Super-X field emission gun and ChemiSTEM™
X-ray detection technology operating at 200 kV. EDX analyses were done in STEM High angle
annular dark field (HAADF) imaging mode. The Esprit software was used for qualitative and
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quantitative elemental mapping. A small amount of the dried leach residue sample (0.01) g was
sonicated for 30 minutes in 5 mL of ice-cooled Milli-Q™ water. A few drops of this suspension
were placed on a holey carbon TEM gold grid and allowed to dry in air. The grid of gold was
chosen to prevent interference during the EDX mapping of copper associated with ferrihydrite
phases.
Table 4-8: Summary of the morphology of naturally occurring iron oxides and oxyhydroxides

Solid phase

Morphology

Reference

Ferrihydrite

Irregular and Spherical

Cornell and Schwertmann, 1996; Jambor
and Dutrizac, 1998; Kennedy et al., 2004;
Konishi and Xu, 2012; Schwertmann and
Cornell, 2000

Jarosite

Acicular

Cornell and Schwertmann, 1996; Jambor
and Dutrizac, 1998; Silva et al., 2012

Goethite

Acicular

Cornell and Schwertmann, 1996; Jambor
and Dutrizac, 1998

Hematite

Rounded, rhombohedral, Jambor and Dutrizac, 1998; Silva et al.,
platy
2012

Schwertmannite Hedgehog or pin cushion Jambor and Dutrizac, 1998; Loan et al.,
like
2005; Marescotti et al., 2012; Paikaray and
Peiffer, 2012

4.7.1

Phase identification

The TEM work aimed to obtain morphological, structural and elemental distribution information
for iron oxide/oxyhydroxide phases in the leach residues. TEM images, SAED pattern and EDS
results discussed here to serve as evidence for amorphous, poorly crystalline and nanoscale phase
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of iron oxyhydroxides recovered in sequential extraction. The initial tests were primarily to collect
standard TEM images of leach residue samples S1, S2, S3 and perform some preliminary electron
diffraction, with the purpose of identifying nanocrystalline ferrihydrite. The images displayed
randomly shaped aggregates made up of sub-micron particles that appeared to be ferrihydrite as
shown in Figure 4-3. The diffraction pattern of the aggregates contained amorphous rings
indicating 2-line ferrihydrite and Figure 4-4 resembles 6-line ferrihydrite, with sharper rings in the
diffraction pattern and appearance of lattice fringes as reported by Janney et al. (2001, 2000). Each
individual particle of ferrihydrite is nanocrystalline, and the structural strain, a high surface to
volume ratio and very small scattering domains give amorphous responses to bulk techniques like
XRD. The sample S2 contained much larger acicular crystals (rods), which are most likely goethite
as shown in Figure 4-5. The rods were far more crystalline (Cornell and Schwertmann, 1996) and
rounded hematite particles were observed in sample S3 as shown in Figure 4-6.

99

Figure 4-3: TEM image of 2-line ferrihydrite and diffraction pattern from sample S1

Figure 4-4: TEM image of 6-line ferrihydrite and diffraction pattern from sample S1
(lattice fringes marked with red arrow)
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Figure 4-5: TEM image of acicular goethite nanorods from sample S2

Figure 4-6: TEM image of rounded hematite particles from sample S3
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There is no apparent presence of schwertmannite in either of the samples. As mentioned earlier,
schwertmannite aggregates form as roughly spherical cores with fine needles radiating outward in
all directions. This differs from ferrihydrite, which generally lacks such sharp features. Hockridge
et al. (2009), showed that schwertmannite transforms into goethite and they also concluded that it
is a ferrihydrite aggregate with goethite nanocrystals forming the radiating needles which are not
seen in the residue samples analyzed for this work. CESL and Vale involve much greater
hydrolysis rates because of higher iron concentrations and acidity. The effect of these conditions
is to favor ferrihydrite formation, creating the mixture of phases observed in these samples. High
hydrolysis rates will increase the number of nucleation events and this, in turn, will produce more
particles which will experience a greater number of collisions and hence the agglomeration of
nanocrystalline phases as observed in TEM images.
4.7.2

Elemental mapping

The EDS spectra were taken, and positions were selected to analyze the relative intensities of iron,
sulfur, and copper in the samples. The STEM-HAADF image with overlaid EDS mapping is
presented in Figure 4-7. The iron maps closely mimic the thickness maps throughout the
aggregates, suggesting that the bulk of the material consisted of the iron-containing phase.
Whereas, the copper map seemed to display a more iron map-oriented association. There is a
region of greater intensity around the areas of iron intensity, which may indicate a greater
association of copper with the iron. The copper maps of all the aggregates analyzed show the
association of copper with the iron phase. There is also sulfur adjacent to the aggregate, but very
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minimal or no copper was found associated with the sulfur when compared to that associated with
the iron phase.

Figure 4-7: High-resolution TEM image of sample S1 with overlaid EDS mapping of S, Fe, and Cu
(scale bar 200nm)
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There are strong iron, oxygen and copper peaks in the energy dispersive spectra (EDS) shown in
Figure 4-8. Silica and arsenic are also found to be associated with ferrihydrite as reported by Dyer
et al. (2012).

Figure 4-8: Spectrum from electron diffraction of sample S1

4.8

Mӧssbauer spectroscopy

Mössbauer spectroscopy is a bulk characterization technique that examines the nuclear excitation
of an atom by gamma rays in the solid-state. The recoil-free technique of resonantly emitting and
absorbing nuclear gamma rays is called the Mössbauer effect (Mössbauer, 2000, 1962). Mössbauer
spectroscopy has the advantage of being impervious to all elements except that being examined,
and therefore free from matrix effects which offer unique possibilities for studying the specific
material characteristics or processes involving such an element.

57

Fe Mössbauer spectroscopy is

among the most straightforward to operate and allows the characterization of iron speciation. 57Fe
Mössbauer spectroscopy provides information on the chemical and physical environments of Fe
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within a solid material. A review of this technique and applications to iron oxides and
oxyhydroxides is given in the text of Cornell and Schwertmann (1996). Distinct spectral signals
can be obtained from both crystalline and non-crystalline forms of iron using Mössbauer
spectroscopy, whereas XRD only provides information related to crystalline phases.
4.8.1

Mössbauer spectrometer and parameters

The basic elements of Mössbauer spectrometer are a γ ray source, an adsorber (sample), a detector,
and a drive for the source or absorber as shown in Figure 4-9 (Dyar et al., 2006). The source is
moved relative to the absorber, shifting the energy spectrum due to the Doppler effect. The spectra
are usually graphed as percent transmission versus source velocity (energy). The interactions
between the nucleus and its surrounding environment are known as hyperfine interactions. The
hyperfine interactions depend strongly on the electronic, chemical, and magnetic state of the atom.

Figure 4-9: Basic elements of Mӧssbauer spectroscopy
(Dyar et al., 2006)

Information from these hyperfine interactions is provided by the hyperfine parameters such as
isomer shift, quadrupole splitting and magnetic splitting as shown in Figure 4-10 and described in
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Table 4-9. These parameters can be determined experimentally from the line positions in a
Mössbauer spectrum. Several software packages are available to extract distributions of hyperfine
parameters from Mössbauer spectra. Software for analysis of Mössbauer spectra uses a variety of
physical models to generate model spectra to compare with the measured spectra, and different
fitting algorithms to analyze the data. Lorentzian (Cauchy) line shapes are commonly employed
in the modeling of Mössbauer spectra (Dyar et al., 2006; Hawthorne and Waychunas, 1988).

Figure 4-10: Hyperfine interactions for 57Fe nuclei and resulting Mössbauer spectrum
(McCammon, 1995)
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Table 4-9: Description of Mössbauer parameters
(Adapted from McCammon, 1995)

Name

Electric monopole
interaction (δ)

Electric quadrupole
interaction (ΔΕQ)
Magnetic hyperfine
field (Bhf)

4.8.2

Units

Description

mm.s−1

It is a function of the electron density at the nucleus. Results in a
displacement of the spectrum. Expressed as the velocity of the
source. This isomer or chemical shift provides information about
the coordination number, the valency and spin state of iron in the
compound

−1

It is generated when an electric field gradient acts on the nucleus.
It provides information about site distortion, e.g., by specifically
bound ligands. It increases with increasing distortion

mm.s

Tesla
(T)

It provides information about the valence and magnetic properties
of the compound. The spectra recorded at different temperatures as
it depends on the temperature

Mössbauer spectra of leach residues

The samples for Mössbauer spectroscopy analysis were prepared by mixing ~40 mg of powdered
leach residue sample with a powdered boron nitride. The

57

Fe Mössbauer spectra were acquired

with a 50mCi 57Co(Rh) source on a conventional spectrometer operating in constant-acceleration
mode. Most spectra were obtained at room temperature, and some spectra were taken at lower
temperatures using a vibration-isolated closed cycle helium refrigerator. The spectra were modeled
using a conventional nonlinear least-squares minimization routine to the sum of Lorentzian lines
with positions and intensities calculated utilizing a simple first-order perturbation model.
Dr. Dominic Ryan performed Mössbauer analyses at the Physics Department, McGill University.

107

The Mössbauer spectra for samples S1, S2 and S3 are shown in Figure 4-11. Sample S1 presents
a broadened, slightly asymmetric doublet with no trace of a magnetic component (< 1%). A simple
single-component fit yields an isomer shift (δ) of 0.38(1) mm/s and a quadrupole splitting (Δ)
0.92(1) mm/s, consistent with a paramagnetic ferric material. The sample, S2 and S3 exhibit a
substantial (70–75%) magnetic component which is made up of two sub-components with
hyperfine fields (Bhf) of 48.5(5) T and 43.7(5) T and area ratios of ~3:1. Both samples contain a
paramagnetic component (δ=0.39(1) mm/s, Δ=0.67(1) mm/s) that is distinct from the one seen in
sample S1. The sample S2 contains a small (3−4%) contribution from a ferrous compound. The
severe misfit apparent in the spectrum of sample S3 is the result of a broad magnetic component
that could not be fitted in a stable way due to severe overlap and cross-talk between adjustable
parameters. Subtracting the best, highly constrained fit to most of the pattern left a residual pattern
that could be fitted as a disordered magnetic material with an average Bhf of ~27T and accounting
for 15-20% of the total iron.
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Figure 4-11: Room temperature Mössbauer spectra of the samples S1, S2, and S3
(In each case the magenta line is a fit described in the text)

4.8.3

Impact of HaHC treatment

All three samples were re-measured following the HaHC leaching described earlier (see Section
4.4). As shown in Figure 4-12, the leaching treatment leads to a much better-defined spectrum for
Sample S1. The S1-R1 is spectra of S1 after leaching with HaHC. It can be fitted with two ferric
doublets with a ~60:40 area ratio. Both have isomer shifts of 0.37(1) mm/s and quadrupole splitting
of 1.10(1) mm/s (stronger component) and 0.62(1) mm/s. Using these parameters as constraints in
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a fit to the original spectrum allows the form of the removed material to be determined. This is
shown as the green doublet in Figure 4-12.

Figure 4-12: Room temperature Mössbauer spectra before (top, S1) and after (bottom, S1−R1)
HaHC leaching
(The magenta line in each case is a fit described in the text. The doublet shown as a green line is the
difference between the two spectra ‘S1’, ‘S1-R1’ and reflects the Mössbauer spectrum of material
removed from S1 by HaHC leaching process)

This green doublet is quite broad, with δ=0.39(1) mm/s, Δ=0.95(1) mm/s and accounts for 45% of
the spectral area. This value compares quite well with the amount of iron (36%) found to have
been removed by the HaHC leaching. Leaching of sample S3 only removed 3% of the iron, and as
can be seen in Figure 4-13 and Figure 4-14, this had almost no impact on the spectrum apart from
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a slight reduction in the paramagnetic doublet. By contrast, the much stronger central doublet in
sample S2 is greatly reduced in the leached sample. Subtracting the leached pattern from that of
the untreated sample, as was done for sample S1, yields a well-defined doublet that accounts for
~15% of the spectral area, consistent with ~10% of the iron being removed by the HaHC leach. Its
parameters are δ=0.37(1) mm/s, Δ=0.67(1) mm/s.

Figure 4-13: Room temperature Mössbauer spectra of samples S2 and S3 taken before (black bars)
and after (solid red lines) HaHC leaching
(The doublet shown as green is the difference between the leached and untreated spectra and reflects the
Mössbauer spectrum of material removed by HaHC leaching process)
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4.8.4

Phase identification in leach residues

The isomer shift and quadrupole splitting indicate that the magnetic component in sample S2 and
S3 is broadly consistent with hematite, although the hyperfine field is somewhat below the 51 T
that would be expected for clean, well-crystallized hematite. Cooling S3-R1 to 11 K leads to a
spectrum shown in Figure 4-14. Cooling from room temperature to 11K results in magnetic
ordering and therefore eliminates the interference from magnetic dipole moments. The spectrum
is sharper compared to the S3-R1 spectrum taken at room temperature (see Figure 4-13), with no
hyperfine interactions of the central doublet confirming the assignment as a regime (ii) phase
described in Section 4.1 or hematite as reported by Murad and Cashion (2011). The line broadening
and the presence of an apparent paramagnetic component are likely the results of disorder and poor
crystallinity. As the paramagnetic components in S2 and S3 have the same hyperfine parameters,
and this component appears to be some form of hematite in the S3-R1 sample, we attribute the
larger paramagnetic component observed in S2 to poorly crystallized hematite or a regime (ii)
phase. It is clear from the comparison of the spectra taken for the untreated (S1) and HaHC leached
material (S1-R1) of sample S1 in Figure 4-12, that S1 contains two distinct components. The
spectral asymmetry and broad lines would appear to be consistent with iron phases from the
ferrihydrite and schwertmannite family. However, while the fitted quadrupole splittings of two
components (0.62(1)mm/s and 1.10(1) mm/s) are certainly within the range seen for ferrihydrites
(Murad, 1988), the area ratios are reversed so a much larger average splitting (0.90mm/s)
compared to values reported for ferrihydrite (0.72 mm/s) and/or schwertmannite (0.71 mm/s) is
observed (Cashion and Murad, 2012). Mössbauer spectra post-cooling to 11 K should provide
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some further discrimination. Room-temperature spectra of ferrihydrite is considered unspecific,
and magnetic order is necessary to identify these minerals by Mössbauer spectroscopy. The poorer
the crystallinity, the lower the magnetic ordering temperature. As shown in Figure 4-14, S1-R1
shows a magnetic pattern with relatively broad lines and a hyperfine field that is clearly smaller
than that attributed to hematite in the S3-R1 sample. The hyperfine field is consistent with, but
slightly higher than, that reported for both ferrihydrite and schwertmannite.

Figure 4-14: Mössbauer spectra of samples S1-R1 and S3-R3 (post- HaHC leaching) taken at 11K
(The magenta line in each case is a fit described in the text)
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4.8.5

Indication of jarosite contributions

A significant amount of jarosite was detected in sample S1 by QXRPD (see Table 4-7), so this
mineral should contribute to the Mössbauer spectrum. The jarosite group (MFe 3(SO4)2(OH)6) can
accommodate a wide variety of substitutional ions on the “M” site leading to a range of isomer
shifts (0.375–0.394 mm/s) and quadrupole splittings (0.91–1.22 mm/s) (Leclerc, 1980), which
certainly cover the higher range seen in the spectra of S1 and S1-R1, and the broad lines observed
here would point to a range of substitutes being present. While the average hyperfine field seen at
11 K (45 T) is at the low end of the range reported (45–48 T) by Afanasev et al. (1974) and
Townsend et al. (1986), it is not out of line. However, the observed ordering temperature seen here
is far too high as, depending on the “M” ion, transition temperatures of 17 K−54 K have been
reported (Afanasev et al., 1974). The iron atoms in the crystal structure of jarosite form a kagome
lattice. Kagome is a traditional Japanese woven bamboo pattern and consists of the vertices and
edges of the trihexagonal tiling (see Figure 4-15).

Figure 4-15: Iron atoms forming a kagome lattice in jarosites
(Townsend et al., 1986)
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The electron spins of iron atoms in the kagome plane form triangular magnetic structures and fail
to align into a stable magnetic order resulting in ‘frustrated’ magnetism behavior. The term
‘frustrated’ is to describe a magnet in which the electron spins fail to align into a stable magnetic
order. This unique magnetism behavior is used to identify jarosites in Mössbauer spectra
(Townsend et al., 1986). Therefore, one possibility that remains is that the ordering temperatures
of jarosites are anomalously low because of the arrangement of iron in the kagome lattice. If this
magnetic frustration due to kagome lattice were to be lifted, because of distortions caused by the
M ions, or direct substitution for the iron, much higher ordering temperatures could occur. As
elements can substitute on the M, Fe and SO4 positions in jarosite, it is possible that some
combination of substitutions is responsible for the higher ordering temperatures observed here.
This means the sample (S1) contains doped jarosite (copper substituting for iron), which is not
recovered by HaHC leaching and is also not detected by QXRPD, may be because of poor
crystallinity and/or nanoparticles.
4.9

Conclusions

The residues from CESL and Vale, pilot and demonstration scale medium temperature sulfide
leach processes were characterized via QXRPD, sequential extraction and Mössbauer
spectroscopy. All three residues contain a significant amount of X-ray amorphous material. The
X-ray amorphous and HaHC soluble phases were determined by a combination of QXRPD and
sequential extraction techniques. Poor agreement between the quantification of total iron from
QXRPD and sequential extraction indicated the presence of large amounts of iron (>30 wt%) in
amorphous as well as poorly crystalline phases in the samples. Chemical analysis of solution from
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sequential extraction revealed that HaHC soluble phases were the major source of copper and
nickel loss in the residue. HaHC soluble phases were associated with 2–4 times more Cu/Ni than
the crystalline iron oxide phases. A hydrometallurgical process for copper and nickel sulfide
leaching which produces the minimum amount of HaHC soluble phases would lead to the
minimum loss of copper/nickel to the residue. The process conditions described for sample S3 in
Table 4-2 (10–12 g/L acid concentration with 5 g/L chloride concentration, 5% solids loading,
1030 kPa.g total O2 pressure and 80 min retention time) generated a residue with the lowest amount
of HaHC soluble phases. Ferrihydrite was identified by TEM and is likely responsible for a large
portion of the HaHC soluble material. Mössbauer spectroscopy identified poorly crystalline
hematite in the leach residue obtained after HaHC treatment of samples and also hinted at the
doped jarosite contributions (based on ordering temperatures) in HaHC treated S1 sample referred
to as S1-R1. Since the possible contribution of jarosite to Ni and Cu losses under CESL conditions
has yet to be explored in the literature, the next chapter focusses on this possibility.
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CHAPTER 5: EVALUATION OF CRYSTALLINITY IN SYNTHETIC
JAROSITES
In the previous chapter, some portions of the Mössbauer spectrum of leach residue samples were
speculated to be linked to jarosite but could not be positively identified as such. One sample,
referred to as S1, resulted in substantial amorphous Fe phase formation. The amorphous phase was
identified to be ferrihydrite by TEM. The residue sample obtained after recovering the ferrihydrite
by HaHC referred to as S1-R1, still contained a poorly crystalline phase (refer to Section 4.5).
However, there was a broad range of disorder present in the material and solely attributing it to
jarosite proved difficult. Therefore, synthetic jarosites were precipitated with Cu substitutions for
Mössbauer analysis to see if these products might match the poorly crystalline phases apparent in
S1-R1. These were then characterized by X-ray Diffraction (XRD), Scanning Electron Microscopy
(SEM), and complete sample digestion followed by Inductively Coupled Plasma Mass
Spectroscopy (Digestion & ICP-MS). Ultimately the Mössbauer spectra of the synthetic jarosites
is compared with that of the residues from the medium temperature (150°C) sulfide concentrate
leaching.
5.1

Precipitation of synthetic jarosites

Jarosite synthesis was performed using reagent grade chemicals using the procedure described in
the literature (Dutrizac, 1984; Dutrizac and Kaiman, 1976). Sodium jarosite (Na-Jarosite) was
prepared by dissolving 64 g of Na2SO4 in one liter of solution containing 10 g of Fe(III) as ferric
sulfate and 0.01 M H2SO4. The solution was heated in air to 95°C and was stirred at this
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temperature for 3 hr. The precipitate was allowed to settle and then filtered followed by washing
with water. The precipitate was dried overnight at 110°C to remove any loosely bound water. The
Munsell color of the product formed was 5Y 6/4 (pale yellow-dry). Potassium jarosite (K-Jarosite)
was prepared in a similar way by dissolving 30 g of KNO3 in one liter of solution containing 8 g
of Fe(III) as ferric sulfate and 0.01 M H2SO4. Potassium nitrate was used instead of potassium
sulfate as it has been reported in the literature that potassium nitrate produces a product richer in
alkali (Dutrizac and Kaiman, 1976). The precipitate thus formed was treated in the same manner
as the sodium jarosite. Sodium jarosite and potassium jarosite were also doped with copper by
precipitating them in the presence of 10 g/L of Cu as copper sulfate. Dried samples were ground
with the help of mortar and pestle, and a small portion was analyzed by Digestion & ICP-MS for
iron, potassium, and sodium after complete multi-acid digestion. The total sulfur content was
determined using the LECO method.
5.2

Chemical characterization of synthetic jarosites

The chemical composition of the synthetic jarosites is given in Table 5-1. The synthesis of jarosite
and the incorporation of divalent base metals into the jarosite lattice is well established (Dutrizac
and Kaiman, 1976; Dutrizac, 1984). The conditions affecting the formation of jarosites are known
to be temperature, pH, and concentration of M+ (Na+ or K+) ions, reaction time and concentration
of Fe(III) ions. The issue of the incorporation of divalent base metals into the jarosite lattice during
the formation of alkali (Na, K) jarosites is of paramount importance to the metallurgical industry
since such alkali jarosites are commonly precipitated from iron solutions rich in Zn 2+, Cu2+, Ni2+,
etc. (Dutrizac, 1983). The extent of incorporation of copper into sodium jarosite depends on the
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iron concentration and the initial acidity. Approximately 0.75 wt% and 0.31 wt% Cu in sodium
and potassium jarosite were achieved respectively. The jarosites precipitated were thoroughly
washed with distilled water to eliminate entrained liquor. Rewashing of the dried jarosite with
dilute sulfuric acid and extraction by HaHC did not remove any significant amount of copper from
the jarosite.
Table 5-1: Chemical composition of synthetic jarosite samples

Na-Jarosite

Na-Jarosite with Cu

K-Jarosite

K-Jarosite with Cu

(wt%)

(wt%)

(wt%)

(wt%)

Fe

29.5

26.5

25.9

25.8

Na

3.5

3.3

−

−

K

−

−

5.77

5.76

S

13.4

13.0

12.8

12.3

Cu

−

0.57

−

0.31

(Na0.73 H3O0.27)

(Na0.71 H3O0.29)

(K0.73 H3O0.27)

(K 0.77 H3O0.23)

Fe2.52

Cu0.04Fe2.33

Fe2.31

Cu0.03Fe2.40

(SO4)2(OH)6

(SO4)2(OH)6

(SO4)2(OH)6

(SO4)2(OH)6

Elements

Approximate
formula

Microscopy of the products by SEM, shown in Figure 5-1 did not reveal any anomalous phases. It
would appear from these studies that the copper was incorporated into the jarosite lattice.
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Figure 5-1: SEM micrographs of Na-Jarosite doped with Cu

5.3

Powder X-ray diffraction (PXRD) of synthetic jarosites

Powder X-ray diffraction (PXRD) patterns were recorded on a Siemens D5000 X-ray
Diffractometer, θ-θ Bragg-Brentano geometry, using CuKα radiation (λ = 1.54184 Å). Powder
patterns were recorded at room temperature in the interval of 7°−70° 2θ, with a step size of Δ2θ =
0.02 and a total counting time of about 35 min was used for each sample. The patterns were
analyzed with the software X'Pert HighScore Plus. The cell parameters of the unit cells were
determined with Rietveld refinements, using a sample displacement correction. The diffraction
profiles were modeled by using the pseudo-Voigt function, the Cagliotti function for the peak
broadening and the Thomson-Cox-Hastings correction for low angle asymmetry.
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The X-ray diffraction patterns for jarosites are well established (Dutrizac and Kaiman, 1976; Kato,
1977; Kubisz, 1964, 1969; May, Sjoberg, and Baglin, 1973). The data obtained in the present study
on these compounds agree closely with the previous values concerning both d-spacing’s, and the
derived a and c parameters. The basic structure of the jarosite group consists of SO 4 tetrahedra and
Fe-cation octahedra, where the octahedra corner-share to form sheets perpendicular to the c axis.
The SO4 tetrahedra have two orientations within a layer; one set of SO 4 points towards +c, which
alternate with another set pointing toward -c. Twelve anions, consisting of six oxygen atoms (O2)
and six OH groups (O3) form an icosahedron, in which the alkali cation (K+, Na+, etc.) is located.
The diffraction peaks of PXRD patterns for four synthetics samples, Na-Jarosite, Na-Jarosite
doped with Cu, K-Jarosite and K-Jarosite doped with Cu are presented in Figure 5-2. The
diffraction peaks of the X-ray powder patterns correspond to a rhombohedral K-Jarosite structure
with R3 m symmetry similar to inorganic crystal structure database (ICSD) structure 34344, PDF
76-629 (Kato, 1977) for the sample containing potassium. The samples containing sodium are well
represented by a modified ICSD 34344 structure in which all the original potassium atoms have
been substituted with sodium atoms.

121

Figure 5-2: Experimental X-ray powder diffraction patterns for the four jarosite samples

The unit cell parameters obtained by Rietveld refinement are presented in Table 5-2. The sodium
jarosite has a much smaller unit cell volume than potassium jarosite as a result of the smaller
diameter of Na+: 1.39Å, than K+: 1.64Å (Dutrizac and Jambor, 2000; Shannon, 1976). Substitution
of sodium into potassium jarosite decreases unit cell parameter ‘c’ significantly (0.617 Å) and
increases ‘a’ to a minor degree (0.012 Å). The diffraction peaks of the sodium jarosite are shifted
at higher 2θ angles accordingly with the larger unit cell parameters. The ‘a’ cell parameter remains
virtually unchanged between the pure jarosite and the jarosite doped with Cu. In contrast, the ‘c’
cell parameter increases very slightly from 16.55 Å to 16.57 Å for the sodium jarosite doped with
Cu. Such modest variations in the ‘a’ and ‘c’ cell parameters are not unexpected given the minor
Cu contents of the jarosites, but the variations imply the structural incorporation of Cu in the
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sodium jarosite. Amorphous content in Table 5-2 was estimated by adding a weighed amount of a
spike phase (NIST Standard Reference Material 676a) with known crystallinity (99.02 wt%). In
the presence of amorphous content, the amount of spike will be overestimated, and the amorphous
content can be determined (De La Torre, 2001). The amount of X-ray amorphous phase increases
very slightly from 15 wt% to 17 wt% for the sodium jarosite doped with copper; the variation
again implies the structural incorporation of Cu in the sodium jarosite.
Table 5-2: Unit cell parameters and amorphous content obtained by Rietveld refinement
(standard deviations given by Rietveld algorithm are indicated in parentheses)

Cell Parameters

Na-Jarosite

Na-Jarosite with
Cu

K-Jarosite

K-Jarosite with
Cu

a (Å) = b (Å)

7.3264±0.0004

7.3236±0.0004

7.3141±0.0005

7.3160±0.0005

c (Å)

16.554±0.001

16.577±0.001

17.074±0.001

17.054±0.001

X-ray amorphous
(wt%)

15

17

20

20

*

*X-ray amorphous (wt%) was determined by the internal standard method, using corundum as a doping material
5.4

Mössbauer spectroscopy of synthetic jarosites

The synthetic jarosite samples for Mössbauer spectroscopy were prepared in a similar manner as
described in Section 4.8.2 and were also performed by Dr. Dominic Ryan at the Physics
Department, of McGill University.
The Mössbauer spectra obtained for Na-jarosite doped with Cu, K-jarosite doped with Cu and S1R1 (refer to Sections 4.3 ‒ 4.6) are shown in Figure 5-3.

123

Figure 5-3: Room temperature Mössbauer spectra of the jarosite doped with Cu and HaHC leached
residue sample
(In each case the magenta line is a fit described in the text)

Accurately fitting the spectra of the two synthetic samples required three doublets even though the
jarosite structure only contains a single iron site. This may be the result of the disorder and has
been noted before (Rothstein, 2006). The three doublets had the same isomer shift (0.38 mm/s) but
different quadrupole splittings (1.24 mm/s, 0.90 mm/s and 0.43 mm/s in order of decreasing
intensity). In Mössbauer spectra, the area under the absorption line(s) is proportional to the amount
of iron in that phase. If the sample has several phases, the relative areas of the subspectra belonging
to each phase are calculated to estimate the amount of each phase (Vandenberghe and De Grave,
2013). An attempt to fit the S1-R1 spectrum to a combination of synthetic jarosite and an additional
doublet yields a good fit, and suggests a 70:30 (jarosite : “unknown”) breakdown, but the
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parameters of the unknown doublet (isomer shift 0.37(1) mm/s, quadrupole splitting 0.52(1) mm/s)
while consistent with many ferric sulfate minerals, are not diagnostic (Dyar et al., 2013).
Further insight was gained by looking at the low-temperature spectra. The spectra for the Cu-doped
sodium jarosite shown in Figure 5-4 reveal a progressive broadening of the magnetic pattern on
warming (Kovács et al., 2008), likely due to the highly frustrated nature of the kagome lattice
occupied by the iron in this mineral (see Section 4.8.5, Chapter 4).

Figure 5-4: Mössbauer spectra of the Cu-doped sodium Jarosite taken at 50 K and below
(The broadening of the magnetic component on warming from 11 K and the eventual loss by 50 K is
shown. Fitting the temperature dependence of the average hyperfine field to a Brillouin function yields an
ordering temperature of 44(1) K)

125

This is comparable to that reported for similar materials (Wills et al., 2000) with ~90% coverage
of the iron sub-lattice, but somewhat lower than the 65 K seen for stoichiometrically pure jarosites
(Grohol et al., 2003).
The behavior of the S1- R1 sample shown in Figure 5-5 is not as simple as that of the synthetic
sample. Warming from 11 K initially leads to the same progressive broadening and collapse of the
magnetic component that was seen in the synthetic sample; however, this does not continue beyond
50 K. Instead, a magnetic component persists as far as 150 K, getting weaker but with a roughly
constant hyperfine field. Tracking the average hyperfine field (<Bhf>) and the area of the magnetic
component reveals a clear break around 40 K and the hyperfine parameters of the doublet that
dominates the center of the spectrum is consistent with that of jarosite. The combination of
parameters at 50 K and the clear ordering just above 40 K strongly suggests that about 40% of the
iron in the S1-R1 sample is associated with some form of jarosite. Further heating leads to a
progressive loss of the magnetic component and a steady reduction of the average quadrupole
splitting associated with the paramagnetic component as it grows in the area. This clearly reflects
the presence of one or more ferric minerals with much smaller quadrupole splittings as noted in
the discussion of the fits to the room temperature spectra in Figure 5-5. However, the analysis of
the low-temperature spectra suggests a significantly lower jarosite content (40% rather than the
70% found above). Unique identification of the secondary mineral(s) is not possible. There is
clearly, a very broad range of ordering temperatures (50 K – 150 K) which likely reflects a
comparable range of stoichiometries, and the strong line overlap makes a clean deconvolution
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impractical. Based on the low-temperature Mössbauer studies on synthetic jarosites, it can be
deduced that about half of the iron in the S1-R1 sample is associated with jarosite.

Figure 5-5: Mössbauer spectra of the S1-R1 sample taken at 60 K and below
(The broadening of the magnetic component on warming from 11 K and the growth of a paramagnetic
doublet is shown, the magnetic component persists well beyond 60 K (right panel). Temperature
dependence of the average hyperfine field (<Bhf>), the area of the magnetic component and the
quadrupole splitting (QS) of the paramagnetic doublet is shown. Note the marked break in <B hf> and the
magnetic area near 40 K)
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5.5

Conclusions

The sample S1 was found to contain a significant amount of HaHC soluble, amorphous iron phase
(see Section 4.3) and no hematite as confirmed by X-ray diffraction studies. The sample S1-R1,
which is the residue from HaHC treatment of sample S1 was studied using Mössbauer
spectroscopy in Section 4.8. Mössbauer study of S1-R1 indicated the presence of an iron phase
that is similar to jarosite but not well-formed jarosite which could be the result of some metal
cation substitutions. To further understand this jarosite-like iron phase, a synthesis of jarosite
doped with either Cu or Ni was attempted which was then studied using Mössbauer spectroscopy
to compare it with the spectra of S1-R1.
Jarosite synthesis was successfully performed using reagent grade chemicals. This was confirmed
by powder X-ray diffraction data. Synthetic Na-jarosite and K-jarosite were doped with copper.
This was confirmed by the chemical analysis by Digestion & ICP-MS. The PXRD data did not
show any impurity phases. The copper ions were incorporated to a minor extent (0.4 wt%), and
these appear to substitute for iron in NaFe3(SO4)2(OH)6 and KFe3(SO4)2(OH)6. This could result
in loss of copper to jarosite residue in hydrometallurgical processes. SEM images revealed typical
jarosite crystals without any anomalous phases. Mössbauer study of HaHC treated CESL residue
samples (S1-R1), and the synthetic Cu doped jarosite performed at room temperature indicated
that jarosite with Cu substitutional ions may not be present in the residue. However, further
Mössbauer studies at lower temperatures provided some insight into the effect of Cu substitutions
into pure jarosite. The Cu doped jarosites have lower ordering temperatures compared to the pure
jarosites; which means less crystallinity and a higher tendency to be associated with Cu losses.
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However, the behavior of S1-R1 spectra is not as simple as that of the Cu-doped synthetic jarosite
sample and reflects the presence of one or more additional ferric minerals. A unique identification
of these additional secondary mineral(s) was not possible. Based on the relative areas of the
subspectra it can be said with some confidence that about half of S1-R1 is some form of poorly
crystalline jarosite similar to the Cu-doped synthetic jarosite sample.
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CHAPTER 6: PRESSURE LEACHING OF SULFIDE CONCENTRATES
6.1

Introduction

As discussed in previous chapters, leaching of sulfide concentrates of copper and nickel at medium
temperature (150°C) produces residues that contain sulfur and iron-bearing minerals. During the
leaching process depending on various process parameters, iron may be precipitated as hematite,
goethite, jarosite or other oxyhydroxides, which may exhibit a very wide range of crystallinity.
Hematite is the favored iron precipitate because it is stable and does not ad/absorb as much copper,
nickel or other solution constituents during precipitation. However, the low solubility of iron
during the medium temperature processing of sulfide ores can favor the formation of poorly
crystalline, nano-scale iron oxide/oxyhydroxide phases. In some cases, these phases have been
positively identified as the metastable ferrihydrite, which transforms into stable iron oxides such
as goethite, hematite, and magnetite over time. A better understanding of what helps in driving
this transformation during leaching would ultimately result in lower valuable metal losses and
more stable leach residues.
The autoclave pressure leaching experiments of sulfide concentrate followed by hydroxylamine
hydrochloride (HaHC) treatment of the residues was performed. In this chapter, the amount of
copper extracted during pressure leaching and the amount of HaHC soluble, amorphous phase in
the residue is presented. The effect of acid concentration and the effect of some new surfactants on
iron and sulfur in the leach residue is presented. Specifically, it was possible to influence the
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morphology and crystallinity of the iron precipitates, and the size and morphology of the residue
sulfur.
6.2
6.2.1

Experimental
Materials and sample preparation

The copper, copper-arsenic and copper-nickel sulfide concentrate samples were supplied by Teck.
They consisted of flotation concentrates with P 80 of 50-100 µm. The concentrates were ground in
a ceramic ball mill to a size of P80 ~20 µm. Dried samples were lightly ground, and a portion was
analyzed by Digestion & ICP-MS after complete multi-acid digestion as described in Section 4.2.
Quantitative X-ray diffraction was performed as described in Section 4.3. The chemical assay of
the copper concentrate used in the leaching experiments is given in Table 6-1. The leach residues,
produced from the leaching of the sulfide concentrate, were dried in an oven at 60 oC overnight.
Dried samples were analyzed by Digestion & ICP-MS, QXRPD, and sequential extraction.
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Table 6-1: Chemical analysis of copper sulfide concentrate

6.2.2

Element

Units

CESL Con.

Element

Units

CESL Con.

Al

ppm

9606

Mn

ppm

386

As

ppm

4380

Mo

ppm

839

Bi

ppm

<100

Na

%

0.077

Ca

ppm

4490

Ni

%

<0.01

Cd

ppm

<100

Pb

ppm

997

Co

ppm

<100

Sb

ppm

675

Cu

%

22.1

Se

ppm

<100

Fe

%

22.4

Zn

ppm

16200

K

ppm

3250

S

%

29.6

Mg

%

1.74

Quantitative phase analysis

Quantitative phase analysis of all the residue samples was performed using the Rietveld method
and X-ray powder diffraction data as described in Section 4.3. The concentrate quantitative
mineralogical analysis is given in Table 6-2.
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Table 6-2: QXRPD phase analysis of copper concentrate

Mineral

Ideal formula

CESL concentrate (phase %)

Brochantite

Cu4(SO4) (OH)6

1.4

Chalcopyrite

CuFeS2

37.3

Covellite

CuS

11.6

Enargite

Cu3AsS4

1.4

(Cu,Ag,Fe,Zn)12As4S13

1.9

FeS2

24.7

(Zn,Fe)S

2.5

MoS2

0.4

CaSO4·2H2O

2.1

SiO2

2.9

(Mg, Fe)5Al(Si3Al) O10(OH)8

2.1

Mg3Si4O10(OH)2

5.5

Muscovite

KAl2AlSi3O10(OH)2

2.3

Plagioclase

NaAlSi3O8 - CaAl2Si2O8

2.7

Actinolite

Ca2(Mg,Fe)5Si8O22(OH)2

1.2

Tennantite
Pyrite
Sphalerite
Molybdenite
Gypsum
Quartz
Clinochlore
Talc

Total

100
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6.2.3

HaHC extraction

Hydroxylamine hydrochloride (HaHC) was the preferred reagent for selective extraction of the
amorphous or poorly crystalline iron oxides/oxyhydroxides in the present study. The HaHC
extraction was performed as described in Section 4.4. The leach residue (R) was leached using
0.25 M HaHC and 0.25 M hydrochloric acid at 50oC and atmospheric pressure for 30 minutes. The
remaining residue (R1) was dried in an oven at 60 oC, weighed and the percent weight loss was
calculated. The amount lost is referred to as a HaHC soluble phase. Residue samples were put
through the HaHC extraction at least eight times to check for reproducibility. The average result
is presented (sample calculation shown in Appendix C). The standard deviation (SD) for the HaHC
soluble fraction was 0.4 – 0.5 wt%.
6.2.4

Pressure leaching autoclave

Pressure leaching experiments were performed using an autoclave. A one-liter (1 L) Parr autoclave
with titanium internals was used. Temperature is controlled in this autoclave via an external heater
and internal cooling coils. The external heater is a completely closed heating jacket with a power
relay and switches. The cooling coil is fed by tap-pressurized water. Water flow is controlled by a
fine needle valve in line with a solenoid, which is controlled by a digital temperature controller
device. The thermocouple for temperature control is inserted into the thermo-well of the reactor.
Temperature fluctuations with this system are limited to a ± 2°C. A 1/8 HP motor is used to turn
the magnetic drive, which in turn rotates the two, four-bladed, 2" diameter 45° angled impellers.
A multi-drive DC motor speed controller controls the agitation rate. Oxygen was supplied by a 40-
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kg capacity cylinder (roughly 98% O2 and 2% N2), which is regulated by a double-stage regulator.
The oxygen supplied directly into the autoclave is controlled by a needle valve at the inlet line to
the autoclave. Oxygen bleed gas from the autoclave can be manually controlled by a fine needle
valve on the bleed line to a predetermined flow meter setting and is measured by a rotameter.
6.2.5

Pressure leaching procedure

Feed slurry of 500 mL containing the concentrate solids, the source of Cl −(CuCl2), surfactant,
copper sulfate, and sulfuric acid was transferred to the bomb at room temperature. The temperature
was raised to 150°C over a period of 20 min, and the agitation was maintained at 700 rpm (agitation
at 1000 rpm did not result in any differences in recovery). At 145°C and steam pressure of
approximately 414 kPa, oxygen is injected, and the pressure is raised to 1034 or 1379 kPa. This is
time ‘zero’. After 60 or 90 min of leaching, the oxygen supply is cut off, the pressure is brought
down to 414 kPa, and the autoclave is cooled down to 25°C in 8 min. The autoclave is
disassembled, and the residue is immediately pressure filtered and washed. The concentrate
samples were put through the pressure leach at least three times to check for reproducibility. The

experimental leaching plan is shown in Table 6-3.
6.2.6

Atmospheric leaching procedure

The CESL laboratory in Richmond, BC utilizes an EAL process to account for removable Cu lost
to the residue as basic copper sulfate. EAL is used by CESL to assess the efficiency of the pressure
leaching process. It closely resembles the atmospheric leach stage that they practice at larger
scales. In this process, residues are stirred at 70°C for 2 h residence time in a 5 g/L KCl synthetic
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solution, at a set pH (~1.4) which is maintained with acid additions. An alternative EAL was also
carried out on pressure leach residues obtained from the autoclave in this study. In this process,
residues were stirred at 60°C for a two-hour residence time in a 10 g/L H2SO4 solution. The solids
content was 10% w/w for these experiments. The EAL was conducted in glass jacketed reactors
connected to a water bath and was maintained at 60°C. If sulfur pellets were present in the residue
obtained from the autoclave, the pellets were separated from the residue by using a 325 Mesh (44
µm) sieve, and reground(pulverized) and added back to the residue. The residues were then stirred
at 60°C for two-hour residence time in a 10 g/L H2SO4 solution. Residue samples were put through
the EAL at least three times to check for reproducibility.
The redox potential of the solution was measured by a saturated Ag/AgCl electrode. All measured
potentials were converted from Ag/AgCl to the standard hydrogen electrode (SHE). All further
potentials in this study are quoted with respect to the SHE at 25°C unless otherwise stated.
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Table 6-3: Pressure leaching experimental matrix

Process

Typical industry
standardsa

Concentrate leaching
batch experiments

150

150

1000-1300

1000-1300

60-90

90

20-25

21.5

5-25

10

NAc

0-60

NAc

5

Lignosol /OPD d (kg /t)

3-5

3

Sulfuric acid (g/L)

NAc

5-30

Cl- as CuCl2 (g/L)

5-12

12

Cu2+ as CuSO4(g/L)

5-15

12

Novel surfactants(kg/t)

NAc

3

parameter
Temperature (°C)
Total pressure (kPa)
Retention time (min)b
Feed conditions – solids
P80 (µm)
Concentrate solids
(mass % of total feed)
Hematite or residue seed
(mass % of total feed)
Hematite seed P80 (µm)
Feed conditions – solutions

a

Industry standard is in reference to a continuous multi-chamber autoclave industrial process; b Retention time in
minutes from the time the batch system reaches 150°C to the time cooling is started; c NA refers to no addition;
d
Lignin sulfonate is normally used, and OPD has been found to work well for refractory ores.
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6.3
6.3.1

Results and discussion
Acid concentration

Concentrate pressure leaching tests were performed at varying initial acid concentrations; leach
residues were treated with hydroxylamine hydrochloride (HaHC) to determine the amount of
HaHC soluble mass and the Cu associated with it. The results for the leaching of copper
concentrate at various acid concentration are presented in Table 6-4. Final acid versus pH data
provided by Teck is depicted in Figure 6-1.
Table 6-4: Effect of acid on HaHC soluble phase (Cu SD: 0.02% and HaHC SD: 0.5%)

Initial acid

Final

(g/L)

a

b

Final Acid

ORP

Cu extn.

HaHC sol.

pH

(g/L)

(mV)

(%)

(%)

5

1.64

1.0

704

97.5

16.6

10

1.30

6.5

707

98.1

16.0

15

1.20

9.0

710

98.2

15.5

20

1.00

13.5

707

98.4

14.8

25

0.89

16.0

708

98.5

14.6

30

0.80

18.5

714

98.5

13.4

a

Final acid determined from the FA - pH plot provided by Teck (see Figure 6-1); bHaHC was performed on leach
residues after EAL(calculations in Appendix C)

The initial acid condition of 5–30 g/L was chosen because the experiments could not be performed
at acid concentrations higher than 30 g/L due to surfactant deterioration apparent from a resultant
agglomeration of concentrate particles during leaching. The acid concentration used in these

138

particular leaching experiments is limited by the surfactant’s ability to withstand aggressive acid.
The surfactant in these experiments was OPD.
As shown in Table 6-4, increasing initial acid concentration results in improved copper extractions.
The copper extraction increased from 97.5% for a 5 g/L of initial acid concentration to 98.5% for
a 30 g/L initial acid concentration. The amount of HaHC soluble phase also decreased from 16.6%
for a 5 g/L acid concentration to 13.4% for a 30 g/L.

Figure 6-1: Final acid (g/L) versus pH
(reproduced from data provided by Teck)

The copper and iron in the leach residue are presented in Table 6-5. The amount of copper
decreased from 1.89% at 5 g/L of initial acid to 1.12% at 30 g/L. The amount of iron decreased
from 27.7% to 25.5%. The standard deviation was 0.02%. The effect of acid concentration on the
HaHC soluble phase is shown in Figure 6-2.
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Table 6-5: Cu and Fe in leach residue at varying free acid concentration (Cu and Fe SD: 0.02%)

Initial acid

The residue (mass fraction)

(g/L)

Cu (%)

Fe (%)

5

1.89

27.7

10

1.66

27.2

15

1.41

26.8

20

1.35

26.9

25

1.14

26.5

30

1.12

25.5

HaHC Soluble(wt%)

20

16.6

15

16.0

15.5

14.8

14.6
13.4

10

5
0

5

10

15
20
Initial Acid (g/L)

25

30

35

Figure 6-2: HaHC soluble mass (wt%) versus free acid (g/L)

The amount of copper and iron dissolved by HaHC treatment of the residue is shown in Table 6-6.
A 5 g sample from the leach residue was taken and treated with HaHC at 50°C for 30 min.
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The 5 g sample contains 0.06–0.09 g of copper and 1.28 to 1.39 g of iron for varying acid
concentrations. The HaHC dissolved copper decreases from 44.0% to 33.0% for residues generated
with an initial acid concentration of 5 g/L to 30 g/L, respectively. The iron recovered also
decreases, which agrees with the HaHC soluble numbers in Table 6-4. The HaHC soluble copper
versus iron ratio was calculated. The Cu/Fe ratio remained the same at an average value of 0.08
and a standard deviation of 0.02. With the increase in acid concentrations, the amount of the HaHC
soluble phase is reduced, which is consistent with the reduced supersaturation of ferric ions.
Table 6-6: Amount of Cu and Fe recovered by HaHC treatment of the residue at varying acid
concentrations (Cu and Fe SD: 0.02%)

Initial acid

Dissolved in HaHC

Cu/Fe

(g/L)

Cu (%)

Fe (%)

ratio

5

44.0

25.2

0.11

10

37.5

27.2

0.08

15

42.0

27.6

0.08

20

42.0

23.0

0.10

25

33.0

27.0

0.06

30

33.0

22.7

0.07

The two important factors determining Fe(III) precipitation are temperature, and hydrogen ion or
acid concentration as illustrated in Figure 6-3. The Fe(III) hydrolysis process generates acid and
affects the acidity of the precipitate environment. The free H 2SO4, that is released or present in the
initial solution, reduces the degree of hydrolysis. The solid-phase composition is therefore affected
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by the free acid concentrations as a lower degree of supersaturation slows the iron(III) precipitation
kinetics (Vračar and Cerović, 1997).

260

Jarosite

Temperature (⁰C)

220
Hematite

180
140
100

Goethite
60
20

3+

Fe

Fe(OH)3
0

2

4

6

8

10

12

pH
Figure 6-3: Effect of temperature and pH on the stability of the Fe compounds

(Babcan, 1971)
The production of well-grown crystals, which is of relevance to CESL and Vale processes, can be
achieved by maintaining low supersaturation (Figure 2-17, Section 2.5) or the use of seed (residue
recycle). The seed recycle is often practiced in an industrial process. The maintenance of low
supersaturation, however, has been often neglected in aqueous precipitation process research and
development (Demopoulos, 2009). It is clear, from the discussion in Section 2.5, that
supersaturation control is important if the quality of the iron precipitates is to be improved. The
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supersaturation can be controlled in practice by pH control, metal complexation, dilution, a redox
reaction or a dissolution reaction. Precipitation of Fe(III) (oxy)hydroxides is a hydrolytic
precipitation phenomenon. The formation of the hydroxide solid is preceded by the partial
hydrolysis of metals ions and formation of soluble hydrolyzed species. These hydrolyzed species
under high supersaturation undergo polymerization to form precipitates that are mostly
amorphous. Meticulous control of supersaturation at very low values is necessary to overcome this
tendency of metal ion hydrolytic polymerization (Demopoulos, 2009).
A critical value of the free acid concentration of sulfuric acid ([H 2SO4]cr), defines the stability
region of hematite. Hematite is stable below this value, and above this value basic ferric sulfate is
stable. At a temperature of 150°C, hydrolysis and precipitation of hematite occurred up to the
sulfuric acid concentration of 53.4 g/L (Sasaki et al., 1993). The stability region was found to be
enlarged in the presence of metal sulfate salts such as ZnSO 4, CuSO4, MgSO4, and Na2SO4. The
free H+ concentration governs the solubility of hematite, and the addition of sulfate salts decreases
the free H+ concentration resulting in the enlargement of the hematite stability region (Umetsu et
al., 1977).
Rubisov and Papangelakis (1999) characterized the precipitates obtained by acid leaching of
limonite laterite at 270°C using SEM/EDX and laser particle analysis and found that the shape of
hematite particles gradually changes from thin flakes at lower acidity to spherical structures at
higher acidity. As shown in Figure 6-4, taken from the same paper, low acidity of 0.158 mol/L (15
g/L) produced very thin platelet flakes of hematite precipitate. As the acidity increased, the flakes
became smaller and thicker and finally at 0.342 mol/L (42 g/L) of free sulfuric acid, the particles
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developed a spherical or slightly elliptical shape. This change in morphology was explained using
the hydrogen ion concentration at 270°C, calculated from speciation analysis.

Figure 6-4: Effect of acid concentration on the morphology of hematite precipitate
a) at 0.158 mol/L b) at 0.220 mol/L c) 0.342 mol/L (Rubisov and Papangelakis, 1999)

According to the surface adsorption theory, if the solution pH is above the point of zero charge
(PZC), the surface concentration of OH‒ on that oxide dominates (Stumm, 1992). The PZC of
hematite at 70°C is at a pH of 7.75 (Stumm, 1992) and therefore platelet hematite can be formed
above pH 7.75. The shape transition of the hematite precipitates formed at 270°C by Rubisov and
Papangelakis (1999) was shown to occur at the point of zero charge (PZC) of the hematite (~0.16
mol/L H+, at 270°C) and was also attributed to the preferential adsorption of specific ions on the
surface. It was concluded that the hematite platelets were also precipitating under the influence of
OHˉ on the surface and therefore, the acidity ([H+ ]T =0.16 mol/L) at which the transition from
platelets to spheres takes place was close to the PZC of hematite at 270°C. The PZC of many
oxides decreases as the temperature increases, and in the case of hematite, the PZC is at pH=8.7 at
20°C and decreases to pH=7.65 at 80°C (Stumm, 1992). Rubisov and Papangelakis (1999) used
144

the hydrogen ion activity coefficient calculation performed by Baghalha and Papangelakis (1998)
at 250°C, to estimate the PZC for hematite at 270°C and determined the PZC of hematite at 270°C
to be ‒ log (0.4*0.16) which is equal to pH 1.2.
Sugimoto and Muramatsu (1996), prepared monodispersed hematite by a gel-sol method at 70°C
and have shown that growing hematite platelet particles requires a highly basic solution (at least
2.5 mL/L NaOH). Whereas, Sugimoto and Wang (1998) prepared elliptical or peanut type particles
under more acidic conditions and in the presence of sulfates. They explained this difference in the
shape was due to adsorption of hydroxyl complexes on the hematite surface. OH ‒ adsorbs on the
{001} face of hematite retarding its growth. In acidic conditions, the adsorption of SO 42− controls
the particle shape. Ruiz et al. (2007) also reported that the initial concentration of sulfuric acid has
a significant influence on the particle size of the precipitate. They have found that the hematite
particles produced at 200°C, in the presence of 10 g/L H2SO4, were significantly larger than the
particles produced at 1 g/L H2SO4. The particle size d50 values were 31.4 μm for 10 g/L H2SO4
and 2.5μm for 1 g/L H2SO4. They ascribed the smaller average size at the lower acid concentration
to a higher supersaturation and particle growth inhibition. They stated that the supersaturation of
ferric ions would increase at lower acid concentrations and therefore, the nucleation rate increases
leading to the production of finer hematite particles. Moreover, the rapid formation of these small
particles may inhibit the agglomeration and growth mechanism leaching small particles at low acid
concentrations.
Dutrizac and Chen (2009) found the precipitate crystallinity to increase with the increasing acid
concentration. They produced hematite particles from a mixed sulfate-chloride solution at 150°C.
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The precipitate consisted of ~10 μm agglomerates resembling tiny cauliflowers. At a lower initial
acid concentration of less than 0.125 mol/kg (~12 g/L) H2SO4, varying amounts of poorly
crystalline goethite were detected. At higher initial acid levels hematite of typically 60% Fe and 5
to 7% SO4 precipitated and the goethite was suppressed.
Therefore, pH is an important factor for controlling particle size, especially in the formation of
iron oxides and iron oxyhydroxide. The pH or excessive concentration of ferric ions in the
nucleation stage dictates the final size of the hematite particles prepared in the gel-sol system
(Sugimoto et al., 1993; Sugimoto and Muramatsu, 1996). Owing to the constant solubility product
of the Fe(OH)3 gel in this case, the control of pH and the control of the excess concentration of
ferric ion was equivalent. In the nucleation stage of the hematite, the solute in the solution phase
was in equilibrium with the Fe(OH)3 gel (Sugimoto et al., 1993). In terms of solubility product,
the supersaturation for this nucleation was kept constant with the change of pH. The increase in
pH resulted in enhanced nucleation, and this was because of an increase in the concentration of
some specific hydroxide precursor complex of ferric ions with pH and the nucleation of hematite
ceased when the pH was lowered below a certain level such as pH=1 by the formation of ꞵ-FeOOH.
It was, therefore, possible by varying pH or the excess concentration of ferric ions to control the
final size of the hematite. The forced hydrolysis of a dilute homogeneous solution of a ferric salt,
such as FeCl3, Fe(Cl4)3, or Fe(NO3)3 at a relatively high pH above 3 produces nanosized hematite
less than 10 nm in very small amounts and at the lower pH, more particles with larger sizes are
formed. These trends are observed in general synthetic systems of metal oxides and metal
hydroxides.
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6.3.2

Seeding and residue recycle

Leaching experiments on the concentrates were performed in the presence of the following seed
materials:
i.

Synthetic hematite seed (pure hematite Fe2O3)

ii.

Synthetic hematite seed residue recycles (residue generated using pure hematite seed)

iii.

Residue recycle (residue generated in the absence of any seed)

When a seed is used, the HaHC calculation has to take into account the crystalline part of the seed,
and this amount has to be subtracted from the HaHC mass loss of the residue to give a calculated
(actual) amount of the HaHC soluble phase. The schematic for the calculation of HaHC phase for
seeding experiments is presented in Figure 6-5.

Figure 6-5: Schematic representation of calculating HaHC soluble phase
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The effect of synthetic hematite seed (i), synthetic hematite seed residue recycle (ii) and residue
recycle (iii) for copper concentrate is presented in Table 6-7 to Table 6-9 and Figure 6-6.
Table 6-7: Effect of synthetic hematite seed (Cu extn SD: 0.02%)

Seed
(g)

Seed
(wt% of feed
solids)

HaHC
(wt%)

Initial
acid
(g/L)

Final Free acid
pH

(~g/L)

ORP

Cu

(Eh)

extn.

(mV)

(%)

5

10

10.8

15

1.10

10

703

97.50

10

20

8.8

15

1.05

10

695

97.84

15

30

7.2

15

1.08

10

688

97.75

20

40

4.8

15

1.04

10

688

97.42

25

50

4.6

15

1.09

10

694

97.69

30

60

4.8

15

1.05

10

691

97.68

The HaHC soluble phase decreases from 10.8% to 4.8% for a seed of 5-30 wt% of feed solids
respectively. The seed may help in reducing the HaHC soluble phase by improved hematite
nucleation, but the copper extractions are not greatly influenced. The lower extractions can be
attributed to the dilution factor. The addition of seed increased the wt% solids in the reactor. Seed
may have also adsorbed some of the surfactant making it less effective. The recycled seed also
introduces some amorphous iron oxides into the reactor (see Figure 6-5), therefore, increasing the
loss of copper to the residue and lowering the extractions. The effect of synthetic hematite seed on
the calculated HaHC soluble phase is shown in Table 6-8. The HaHC soluble phase decreases from
12.6% to 8.2% for a varying amount of seed addition.
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Table 6-8: Effect of synthetic hematite seed on calculated HaHC soluble phase (HaHC SD: 0.5%)
*Calculated

Seed
(wt% of feed solids)
Seed(g)/50(g)*100

HaHC mass loss
(wt%)

10

11.2

12.6

20

8.8

11.0

30

7.2

10.0

40

4.8

7.3

50

4.6

7.6

60

4.8

8.2

HaHC soluble
(wt%)

*The calculated HaHC numbers were generated using the method presented in Figure 6-5.

The effect of seed recycle on the amount of HaHC soluble phase is presented in Table 6-9. The
‘seed recycle’ is the term used to describe a seed that is the residue resulting from the use of the
synthetic seed. The seed recycle is not pure hematite and has other phases associated with it, and
its HaHC soluble content is 10%. As seen in Table 6-9, it is not as effective in decreasing the
HaHC soluble phase as pure hematite seed.
Table 6-9: Effect of seed recycle on HaHC soluble phase (HaHC SD: 0.5%)

Seed
(wt% of feed solids)

HaHC mass loss
(wt%)

Calculated
HaHC soluble (wt%)

10

13.6

15.3

20

8.6

11.7

30

6.6

10.5
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The effect of residue recycle on the HaHC soluble phase is presented in Table 6-10. The ‘residue
recycle’ is the term used to describe a seed that is the residue resulting from an un-seeded leaching
experiment. The residue recycle has other phases associated with it, and its HaHC soluble content
is 15%. As seen in Table 6-10, the seed does not affect the HaHC soluble phase in the amounts
tested here. Perhaps, for the residue recycle to work, we may have to use recycle in amounts much
higher than 30 wt% of feed solids. The resultant disadvantage of this is a requirement to heat up
all that residue recycle material. Sulfur is also put back into the autoclave, which is undesirable,
as it interferes with copper extraction and/or requires more surfactant. Residue recycling also
introduces amorphous iron oxides into the reactor, therefore, possibly increasing the loss of copper
to the residue and lowering ultimate extractions.
Table 6-10: Effect of residue recycle on HaHC soluble phase (HaHC SD: 0.5%)

Seed
(wt% of feed solids)

HaHC mass loss
(wt%)

Calculated
HaHC soluble (wt%)

10

15.4

17.1

20

11.8

15.6

30

10.0

15.2

The comparison of the effect of synthetic seed, seed recycle, and residue recycle on the amount of
HaHC soluble phase is presented in Figure 6-6. The amount of HaHC soluble phase is significantly
reduced from 16% to 7% upon the addition of synthetic hematite seed whereas the residue recycles
does not seem to affect the HaHC soluble phase. This may be due to the lack of fresh hematite
surface for the new nuclei to grow on. However, seeding did not improve the copper extractions.
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Hematite Seed

Seed Recycle

Residue Recycle

HaHC Soluble (wt%)

17
14
11
8
5
5

15
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35
45
Seed (wt% of feed solids)

55

65

Figure 6-6: Effect of hematite seed, seed recycle and residue recycle on HaHC soluble phase

Seeding is a useful technique, and the addition of the seeds lowers the supersaturation. The
separation between nucleation and growth can be achieved readily by seeding. Furthermore, if the
added seeds work at maximum efficiency, the final particle number will be equal to the number of
the seeds. Even if the efficiency is not 100%, the final particle number is at least proportional to
the number of the added seeds, and thus quantitative size control of a high reproducibility is readily
realized. The final sizes of monodispersed hematite particles in a dilute homogeneous system
(Sugimoto and Muramatsu, 1996) and in condensed gel-sol systems (Sugimoto et al., 1998;
Sugimoto et al., 1993b) were controlled by using seeds of hematite.
Riveros and Dutrizac (1997) studied the precipitation of hematite from ferric chloride media at
150°C. They found that in the absence of seed the hematite particles were very small spheres of 1
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μm in size which coalesced into loose aggregates of 10 ‒ 20 μm. However, in the presence of
hematite seed (20 g/L), the hematite particles were larger, several microns in size and resulted in
larger aggregates with extensive particle agglomeration. Seeding with hematite was found to
promote hematite formation and resulted in the improved filterability of the precipitate. Seeding
also enhanced the kinetics of precipitation resulting in complete precipitation during the ‘heat-up’
time, i.e., by the time the contents of the autoclave were heated to temperature. In another study,
Dutrizac and Riveros (1999) confirmed hematite seed promoted direct precipitation of hematite
instead of metastable akageneite. The seed particles provided an initial surface area for the
secondary nucleation mechanism to take place and resulted in hematite precipitation and growth.
Chen and Dutrizac (2009) studied the factors affecting the precipitation of hematite rather than
jarosite in nickel sulfide concentrates leached under autoclave conditions at 150°C and again found
the presence of hematite seed promoted hematite formation while suppressing jarosite
precipitation. Dutrizac and Sunyer (2012) studied the hydrothermal conversion of jarosite type
compounds to hematite and found that, in the presence of hematite seed (20-50 g/L), the conversion
was complete within 2 hr at 225°C. The presence of hematite seed promoted the hydrothermal
conversion of ‘in situ’ formed jarosite compounds significantly and the hematite formed was found
to consist of spheroidal or sub spheroidal agglomerates 10–100 μm in size.
Marsden et al. (2010) patented the use of seeding material in their pressure oxidation process. A
seed was added to the pressure leaching autoclave to provide a nucleation site for the crystallization
and growth of hematite residue. They indicated that a seeding agent might be generated either by
recycling of the residue or by the introduction of foreign substances and in some cases, more than
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one or a combination of seed agents may be used during pressure leaching. They found that residue
that precipitates from solution passivates the reactive process by encapsulating a metal that is being
recovered. In the presence of a seeding agent, the precipitates form at or in proximity to the seed,
instead of the metal value, thus leaving the metal value exposed and amenable to leaching
recovery. The hematite precipitated during leaching or the recycled hematite-containing residue
from the previous pressure leaching cycle was found to act as the precipitate nucleation sites. In
the absence of which, unreactive particles precipitated on the surface of the metal values, rendering
the metal values unrecoverable by occluding the desired metal values. Therefore, a seed prevented
such occlusion and assisted in better metal recovery.
Kubota et al. (2001), mentioned that seeding is carried out as more of an art than a science and
according to Heffels and Kind (1999) the amount of seed added is based on trial and error
experience. However, to cause the deposition of the precipitate on the seed, in most cases, a seed
concentration of Cs=1.0 was found to be sufficient. Where Cs is the ratio of the seed added to the
theoretical yield calculated from solubility data (Doki et al., 2001). According to Heffels and Kind
(1999), the particle size of the seed is determined by the stirrer speed that would be used in the
experiments based on considerations of secondary nucleation. A very fine seed would result in
small particles with narrow size distribution and therefore not recommended.
Hove et al. (2009), studied the ferrous iron oxidation and precipitation process in the presence of
seed and found that seed showed a catalytic effect on the rate of oxidation of Fe(II) and formed
stable iron precipitates at the expense of less stable phases which are kinetically favored. They
found that seeding suppressed homogeneous nucleation by providing a large surface area that
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lowered or reduced the degree of supersaturation and this resulted in enhanced growth of the
precipitated particles. The surface area provided by the seeds was found to depend on the amount
of seed added and the particle size of the seed. Tamura et al. (1976) and Sung and Morgan (1980)
also found that hematite seed had a catalytic effect on the rates of ferrous oxidation. The
heterogeneous oxidation of ferrous iron was proportional to the amount of ferrous iron adsorbed
on the oxide surface (Park and Dempsey, 2005). Jeon et al. (2001) also demonstrated that a
hematite seed is a good absorbent for ferrous iron and resulted in heterogeneous oxidation of the
ferrous iron in the presence of oxygen. It has also been reported in that ferrous iron adsorbed on
metastable ferrihydrite catalyzed the transformation of ferrihydrite into more stable phases (Jolivet
et al., 1992; Park and Dempsey, 2005; Tronc et al., 1992).
6.3.3

Novel reagent for iron and sulfur control

During the leaching experiments, a novel additive (commercially available “WD40 ®”) that seems
to aid in the formation of hematite was accidentally discovered. Following this discovery, a series
of other reagents were tested. The reagents were added to the feed slurry before leaching as
described in Section 6.2.5. These reagents may displace the water from the ferrihydrite structure
and expedite its transformation to hematite. They may also help in binding the sulfur particles
together into clusters or agglomerates that can be more easily separated from the residue.
The effect of WD40®, nonane and cyclohexane is presented in Table 6-11. For a concentrate with
a particle size of P80:21.5 µm in combination with OPD, WD40® is shown to improve the copper
extraction to 98.8% as compared to 98.0% in the absence of WD40 ® with a standard deviation of
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0.02%. Further, WD40® in combination with OPD will effectively leach a concentrate with particle
size P80:75 µm. This may eliminate the need for upfront grinding of the feed material. When a
P80:75 µm concentrate is leached with OPD in the absence of WD40 ®, the copper extraction is
only 90.3%. Table 6-11 also presents the effect of nonane, which functions in the absence of OPD
and which has the potential to replace OPD.
Table 6-11: Effect of WD40®, nonane and cyclohexane (Cu extraction SD: 0.02%)

Feed
solids P80
(µm)

Reagent (3
kg/t)

OPD
(kg/t)

Conc.
(g/L)

Acid in
(g/L)

Cu extn (%)
pressure
leach

Cu extn (%)
after EAL*

20

WD40®

3

100

15

96.5

98.8

75

WD40®

3

100

15

95.4

98.4

20

Nonane

3

100

15

96.6

98.7

20

Nonane

None

100

15

95.9

98.5

20

Cyclohexane

3

100

15

96.6

98.9

Base case
20

None

3

100

15

96.6

98.0

75

None

3

100

15

86.9

90.3

*EAL for residue containing sulfur pellets was performed as described in Section 6.2.6

The effects of decane, mineral oil, and carbon disulfide is presented in Table 6-12. The effect of
decane for a concentrate with a particle size of P80:21.5 µm, and in combination with OPD, is to
improve the copper extraction to 99.4% as compared to 98.0% in the absence of decane. Further,
decane in combination with OPD leaches a concentrate with particle size P 80:75 µm, but with the
resultant copper extraction of 99.1, an improvement compared to WD40 ®. Decane was tested in
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the absence of OPD, and it appears to have the potential to replace OPD. WD40 ® does not work
in the absence of OPD. Mineral oil offers similar copper extractions to decane and has the potential
to leach P80:75 µm feed concentrates.
Table 6-12: Effect of decane and mineral oil (Cu extraction SD: 0.02%)

Feed
solids P80
(µm)

Reagent
(3 kg/t)

OPD
(kg/t)

Conc.
(g/L)

Acid in
(g/L)

Cu extn (%)
pressure
leach

Cu extn (%)
after EAL

20

Decane

3

100

15

96.8

99.4

75

Decane

3

100

15

95.6

99.1

20

Mineral oil

3

100

15

96.9

99.2

75

Mineral oil

3

100

15

95.7

98.9

20

Carbon
disulfide

None

100

15

96.6

99.3

Base case
20

None

3

100

15

96.6

98.0

75

None

3

100

15

86.9

90.3

The effects of benzene sulfonic acid (BS), nonane sulfonic acid (NS), methane sulfonic acid (MS)
and phenyl phosphonic acid (PP) are presented in Table 6-13. These are another class of reagents
that are iron complexing and result in similar effects as the others, and they have the potential to
replace OPD as they function in the absence of OPD and give excellent copper extractions. One
such candidate, benzene sulfonic acid, for example, is plentiful and relatively inexpensive as
compared to OPD.
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Table 6-13: Effect of NS, BS, MS, and PP (Cu extraction SD: 0.02%)

Feed
solids
P80
(µm)

(3 kg/t)

OPD
(kg/t)

Conc.
(g/L)

Acid in
(g/L)

Cu extn (%)
pressure
leach

Cu extn (%)
after EAL

20

Nonane sulfonic acid

None

100

15

96.5

98.8

20

Benzene sulfonic acid

None

100

15

95.4

99.3

20

Methane sulfonic acid

None

100

15

96.6

98.5

75

Methane sulfonic acid

3

100

15

95.9

99.2

20

Phenyl Phosphonic acid

None

100

15

96.5

99.1

20

Phenyl Phosphonic acid

3

100

15

95.8

99.2

Reagent

Base case
20

None

3

100

15

96.6

98.0

75

None

3

100

15

86.9

90.3

All the reagents: WD40®, nonane, cyclohexane, decane, mineral oil, carbon disulfide, nonane
sulfonic acid, benzene sulfonic acid, methane sulfonic acid, and phenyl phosphonic acid result in
sulfur “prills” (0.5-1.5 mm) rather than small particles (20-35 µm). OPD is the only surfactant that
does not result in visible sulfur prills, as shown in Figure 6-7. The sulfur prills obtained with
different reagents are presented in Figure 6-8 to Figure 6-11. These sulfur prills come in different
shapes and sizes, and they contain impurity phases such as pyrite and unleached sulfides.
Irrespective of this fact, the copper extractions from the feed concentrate remain high. However,
there are two issues to consider regarding large sulfur prills. First, excessive pooling or
accumulation of sulfur at the bottom of the vessel could lead to localized reducing conditions, an
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incomplete reaction and catastrophic outcomes for the autoclave. Second, downstream "sanding
out" in tanks and additional wear on equipment (these particles will erode metal if agitated
sufficiently) may occur. So, it is a matter of finding the conditions that result in the largest sulfur
particles that do not cause operational issues. The ideal range appears to be 0.1 to 1 mm for easy
separation from the balance of the iron-rich residue (Salomon-De-Friedberg, 2017).

Figure 6-7: Effect of OPD on sulfur in the leach residue (no visible sulfur prills)

158

Figure 6-8: Effect of WD40®+OPD on sulfur in the leach residue

Figure 6-9: Effect of benzene sulfonic acid on sulfur in the leach residue
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Figure 6-10: Effect of phenyl phosphonic acid on sulfur in the leach residue

Figure 6-11: Effect of phenyl phosphonic acid on sulfur (crushed) in the leach residue
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The amount of pyrite recovery in the leach residue, calculated from the mass balance of pyrite in
the feed concentrate and pyrite in the leach residue, is presented in Figure 6-12 and the quantitative
mineralogical phase analysis of the residue generated with different reagents is presented in Table
6-14. There is no chalcopyrite remaining in the residue indicating complete copper extraction.
There is a minor amount (0.1 ‒ 0.5%) of tennantite that remains unleached, which accounts for the
minor amounts of copper (0.02 ‒ 0.05%) in the residue. The copper concentrations in the
quantitative mineralogical phase analysis match well with the copper extractions calculated from
chemical analysis. WD40® yields the maximum amount of hematite (32.3%). Another phase of
interest here is pyrite. Some reagents, such as benzene sulfonic acid and phenyl phosphonic acid
seem to reduce pyrite oxidation and increase the concentration of pyrite in the leach residue (Figure
6-12), which may be beneficial for process economics (due to the need for less acid neutralization
and/or less elemental S yield).

Figure 6-12: Effect of various reagents on the pyrite recovery in the leach residue
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Table 6-14: Effect of reagents on QXRPD of the residue from the standard copper concentrate
leaching experiments

Crystalline
phases

Base
case

OPD+
WD40®

OPD+
PP

Benzene
sulfonic

Phenyl
phosphonic

Carbon
disulfide

Actinolite

1.0

0.8

1.4

1.0

1.5

1.2

Albite low

4.0

3.1

3.8

4.0

4.5

4.1

Clinchlore

2.6

2.0

2.6

2.6

3.7

2.1

Hematite

29.6

32.3

31.1

26.4

23.7

31.3

Muscovite

4.3

3.9

4.3

4.2

4.3

4.1

Jarosite

2.1

1.9

2.0

2.7

2.9

3.8

Molybdenite

0.3

0.5

0.4

0.2

0.3

0.2

Pyrite

4.9

5.1

1.3

10.1

10.5

7.1

Quartz low

5.8

5.7

5.7

6.2

5.9

6.2

Sulfur

32.4

32.1

33.7

29.6

30.2

27.5

Talc 1A

12.5

12.1

13.3

12.5

12.4

12.0

Tennantite

0.5

0.6

0.4

0.5

0.1

0.5

As seen via comparison of Table 6-14 with Table 4-3, both the batch experiments in this work and
the continuous plant operations generate remarkably similar residues (see Section 4.3, Chapter 4).
The effect of reagents on the HaHC soluble phase is presented in Table 6-15. The HaHC soluble
phase is clearly affected by the reagents. For example, the HaHC soluble phase for WD40 ®
decreased to 7%. The HaHC soluble phase in the absence of WD40® was 15%. The lowered
amount of HaHC implies lowered amounts of amorphous Fe residue formed, which would explain
a lessened amount of Cu lost to this phase resulting in higher overall Cu extraction.
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Table 6-15: Effect of reagents on HaHC soluble phase (HaHC SD: 0.5%)

Feed solids

VOCs

OPD

P80 (µm)

(3 kg/t)

(kg/t)

HaHC soluble
phase (%)

20

WD40®

3

6

75

WD40®

3

6

20

Decane

3

7

75

Decane

3

7

20

Mineral oil

3

7

75

Mineral oil

None

7

20

Benzene sulfonic

None

7

20

Carbon disulfide

None

7

20

Phenyl phosphonic

None

7

Base case
20

None

3

15

75

None

3

15

To illustrate the effect of WD40® on hematite particles, synthetic hematite was precipitated in a
separate set of experiments in the presence of and in the absence of WD40 ® in sulfate-chloride
solutions at 150°C. The hematite particles were then studied under a scanning electron microscope
(SEM). The SEM micrographs are shown in Figure 6-13 and Figure 6-14.
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Figure 6-13: Synthetic hematite in the absence of WD40 ®
(The scale bar is 100 nm)

Figure 6-14: Synthetic hematite in the presence of WD40®
(The scale bar is 100 nm)
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In the presence of WD40® the hematite particles precipitated as peanut-shaped spindle particles.
It appears that adsorption and surface interactions of WD40 ® with the nuclei influence the
subsequent growth mechanism of hematite particles resulting in the peanut shaped-spindle type
morphology. Ozaki et al. (1984) demonstrated that the presence of small amounts of phosphate
and hypophosphite ions during the forced hydrolysis of ferric chloride solutions also result in this
spindle-type hematite. The adsorption of phosphate ions on hematite and surface interactions of
phosphate ions with the nuclei influencing the subsequent growth mechanism was resulting in the
change in morphology. The hematite prepared in the presence of WD40 ® is very similar in
morphology to the hematite prepared by Ozaki et al. (1984).
6.3.3.1

Water displacement formula WD40®

The term "WD-40®" is abbreviated from Water Displacement, 40th formula, as the product was the
result of the 40th attempt. The formula was never patented and remains a trade secret. The WD40 ®
company website states that the main ingredient is a non-volatile viscous oil which gives protection
from moisture and provides lubrication. This non-volatile oil is diluted with a volatile hydrocarbon
to help penetrate crevices, which eventually evaporates leaving behind the oil (“WD40”).
However, the main ingredients according to the WD40 ® U.S. Material Safety Data Sheet
information are 50% aliphatic hydrocarbons, 25% petroleum-based oil, 12–18% low vapor
pressure aliphatic hydrocarbons, 2–3% carbon dioxide (propellant) and less than 10% inert
ingredients. While the German version of the mandatory EU safety sheet lists the following safetyrelevant ingredient(s) 60–80% hydrogen-treated heavy naphtha, Di Justo (2009), published the
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results of gas chromatography and mass spectroscopy tests on WD-40 ®. The principal components
were mostly alkanes (nonane, decane, tridecane, tetradecane) and mineral oil.
The complexation of Fe by WD40® during pressure leaching is a possibility. This could occur
similarly to the complexation of Fe with organic compounds as described in Sections 2.6 and
6.3.3.2. The pressure leaching experiment involving WD40 ® also contained an equal amount of
sulfur dispersing agent OPD (0.15 g, 3 kg/t). OPD is adsorbed chemically through the interaction
of C-N functional groups with the metal ions forming a metal-amine complex (Owusu, 1993). This
chemisorption is a monolayer phenomenon, and a small amount of 0.15 g OPD is therefore
sufficient to influence the 50 g of chalcopyrite concentrate used in the present study. Similarly,
WD40® may be adsorbed chemically through interactions of the R-COOH functional groups with
ferric ions forming a metal-WD40® complex resulting in monolayer chemisorption. The reaction
of OPD with WD40® (comprising alkanes) may be giving rise to these carboxyl (R-COOH)
functional groups (Section 2.9.1). WD40®, when tested in the absence of OPD, resulted in
agglomerates of unleached concentrate, suggesting it does not assist in sulfur dispersion.
While complexation may play a small role in controlling supersaturation, it is most likely that
WD40® acts as a crystal nucleation-controller. A proposed mechanism for the effect of WD40 ®
on nucleation and growth of hematite particles is schematized in Figure 6-15. The preferential
attachment of WD40® on planes of hematite nuclei results in the growth of anisometric primary
particles similar to the phosphate adsorption mechanism on hematite nuclei reported by Ocaña et
al. (1995), which then aggregate producing final ellipsoidal particles (refer to the SEM image in
Figure 6-14). The WD40® is detached during the aggregation process, and the chemical Fe-O-Fe
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bonds are formed at the interphase of the primary particles, resulting in interparticle aggregation
at temperatures of 150°C. The detachment of WD40 ® could be a consequence of the pH decrease
which originates as the hydrolysis reaction proceeds and would cause a change in the surface
nature of the hematite particles (Ocaña et al., 1995).

Figure 6-15: Schematic diagram of the proposed mechanism for the formation of hematite particles
from sulfate-chloride solutions in the presence of WD40® at 150°C
(modified from Ocaña et al., 1995)
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6.3.3.2

Effect of organic additives on hematite

Sapieszko and Matijevic (1980), prepared disk-like hematite particles by using triethanolamine. A
basic solution of ferric triethanolamine complexes was heated to ~250 °C. In a basic media, usually
hexagonal platelet particles of hematite are obtained. The intra-particle recrystallization may have
resulted in the dissolution of the side corners when the total concentration of the solute fell below
the solubility of the side corners in the last stage of precipitation producing circular disks of
hematite. The triethanolamine seems to have played the role of a solvent of hematite to enhance
the recrystallization at the high temperature. Hamada et al. (1986), used glycine to prepare uniform
double spheres of hematite by forced hydrolysis of FeCl 3 in a dilute acidic medium. The true
mechanism was not explained, but it may be similar to the growth process of the peanut-type
particles in the gel-sol system since the shape is close to that of the peanut-type particles prepared
with phosphate (Sugimoto et al., 1993a). Matsumoto (1980), used organic phosphonic acids to
prepare ellipsoidal hematite particles of 0.5 ‒ 0.8 µm in length with fairly narrow size distributions.
It is also possible to form ellipsoidal and rod-like hematite particles with oxalate (Fischer and
Schwertmann, 1975) and citrate (Matsumoto et al., 1983). Moreover, dihydroxybenzenes,
benzoquinones, dihydroxynaphthalene, NTA, EDTA have been used to control the aspect ratio of
monodispersed ellipsoidal hematite particles in gel-sol systems with acidic media around pH 1-2
in the presence of a high concentration of chloride ions at 100°C (Sugimoto et al., 1998)
Daichuan et al. (1995), used urea in the forced hydrolysis process of FeCl3 in an acidic range and
observed a morphological change of hematite from monocrystalline spheroidal shape to
rhombohedral. The specific adsorption effect of urea may have caused this change. Hamada et al.
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(1989) prepared uniform polycrystalline spheroidal particles of hematite (0.35 µm) by forced
hydrolysis of 2,2'-bipyridine-iron(II) complex in the presence of KNO 3 as an oxidizing agent of
Fe(II) in an acidic medium. Sugimoto et al. (1998), used nitrilotriacetic acid (NTA) to prepare
spherical polycrystalline hematite particles from a suspension containing ά-Fe 2O3 seeds at 100 °C
for 48 h through phase transformation from ꞵ-FeOOH. Anionic surfactants such as sodium dodecyl
sulfate, sodium dodecanoate, sodium alkyl (C-12) benzenesulfonate, sodium alkyl (C-4)
naphthalenesulfonate, polyacrylic acid, polymaleic acid, copolymers of maleic acid, and the
formalin condensate of p-naphthalene sulfonic acid, are known as good stabilizers of hematite
particles in aqueous media. The reagents used in the present work may also act as stabilizers of
hematite in pressure leaching (see Section 2.6).
6.3.3.3

Iron complexation by benzene sulfonic and phenyl phosphonic acids

Sulfonic and phosphonic acids are known for their iron chelating properties and have been
extensively used in the ion exchange process for the removal of iron from electrolytes before
electrowinning. Ion exchange is a process of removal of specific ions from solution by attaching
them with an ionic bond onto a resin surface. To selectively remove only iron from the electrolyte,
a chelating ion exchange resin is generally used. In chelating ion exchange resins, the reactive
portion of the resin binds ions through the formation of complexes as opposed to just ionic bonds
that are formed in standard ion exchange resins. A specific ion exchange resin is used to remove a
specific ionic species such as a ferric ion while other ionic species such as cupric etc., remain
unaffected. Dorfner (1991) has published a detailed explanation of the different types of ion
exchange resins.
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Shaw et al. (2006) reviewed chelating resins available for iron ion exchange and identified five
main resin types and they are iminodiacetic, picolylamine, aminophosphonic, sulphonated
phosphonic and sulphonated diphosphonic. The ingredients of commercially available ion
exchange resins Purolite S975, Eichrom Diphonix, Lanxess Lewatit TP 20 are shown in Table
6-16. Sodium alkylbenzene sulfonate has been reported as a sulfur dispersing agent in pressure
leaching of sulfide concentrates by Marsden et al. (2010). Sulfonic and phosphonic acids, when
used in leaching of sulfide concentrates under CESL conditions result in leach residues which have
a lower proportion of HaHC soluble phase.
Table 6-16: Ion exchange resins

6.4

Manufacture

Resin name

Resin type

Eichrom

Diphonix

Sulphonated Diphosphonic

Purolite

S957

Sulphonated Monophosphonic

Lanxess

Lewatit Monoplus TP 2

Aminophosphonic

Generic

D416

Sulphonated Monophosphonic

Eichrom

Monophosphonic

Sulphonated Monophosphonic

Conclusions

The existing CESL and Vale processes for the extraction of Cu and Ni from sulfide concentrates
by aqueous acidic leaching operate at 150°C, above the melting point of sulfur (119°C) but below
(159°C) where sulfur becomes highly viscous. One of the biggest challenges of this process is to
effectively disperse the molten sulfur from concentrate particles, thus exposing the particles to the
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solution. Without dispersants, the concentrates do not leach effectively because molten sulfur coats
the concentrate particles and prevents leaching. The sulfur dispersants currently used in industry
are lignosol and/or OPD. Under otherwise normal process conditions, these surfactants typically
result in Cu and Ni extractions of about 97%. The sulfur in the residue is usually fine (5-10 µm)
and difficult to separate from the residue. The iron in the residue can be in the form of hematite,
jarosite, goethite and less crystalline ferric oxy-hydroxides such as ferrihydrite. Crystalline
hematite is preferred as it is stable and captures a minimum amount of valuable metal from the
solution. Ferrihydrite (amorphous) is always associated with valuable metal losses. Hence the
amount of ferrihydrite in the residue should be minimized. The concentrate fed to the CESL and
Vale processes typically must be ground to 80% passing 20 ‒ 45 µm. Grinding requires energy
and is thus expensive.
Novel additives or a class of additives that outperform the conventional OPD and lignosol
surfactants that are currently used in the CESL and Vale processes were discovered. The additives
disperse sulfur (in that they allow for leaching to progress even in the absence of OPD) and assist
in iron control by reducing the amount of poorly crystalline matter in the iron residues (HaHC
soluble phase reduction from 15±0.5 to 7±0.5 wt%). These additives result in the preferential
formation of hematite. It is thought that the additives work by acting as iron complexing agents.
For example, phenyl phosphonic acid was used in the present study (see Table 6-13) and
phosphonic acid-containing resins are regularly used in ion exchange due to their iron complexing
properties. They may be reducing supersaturation by lowering the effective Fe concentration in
pressure leaching under CESL conditions. Further, these new surfactants appear to have a role in
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precipitating or coagulating sulfur in the form of sulfur chunks or prills of size ~0.5 ‒ 1.0 mm,
which makes them more readily separable from the iron residues. The additives result in enhanced
recovery of copper metal from sulfide concentrates: the extractions are on the order of 98.5 ‒
99.1% (vs. about 97% under traditional CESL conditions with OPD). The additives eliminate the
need for upfront fine grinding of the feed solids by being able to leach the concentrates at P 80:75
µm (Teck’s CESL process generally uses feed solids of P 80:20 µm). The residues have better
settling and dewatering characteristics. The slurry from post leaching containing the pregnant leach
liquor and leach residue settle faster, has a clear over-flow solution and lacks any visible colloids.
The filtering time is reduced by half and the filter cake is drier retaining 5% moisture compared to
10% moisture in absence of additives. The additives act as crystal growth modifiers for hematite
as evidenced from SEM images, that reveal well grown and larger particles. The pyrite in the
leach residue is increased from 4.9 ±2 % to 10.5 ±2 %, this suggests that the additives may reduce
the oxidation of pyrite.
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CHAPTER 7: SOLUBILITY

OF

METASTABLE

FERRIHYRITE

IN

SULFATE-CHLORIDE SOLUTIONS AT 150°C
In the previous chapters, ferrihydrite, goethite, jarosite, and hematite were found to precipitate in
the CESL process. It was postulated that goethite formed via dissolution of ferrihydrite and
reprecipitation as goethite, and that hematite formed by the transformation of ferrihydrite.
Furthermore, a reduction in supersaturation was important to mitigate against the formation or
retention of a ferrihydrite phase (Section 2.7). However, the solubility of ferrihydrite in the CESL
process is not known nor are the formation or transformation rates of ferrihydrite to goethite and
hematite.
The approach adopted in this chapter was to synthesize ferrihydrite and perform solubility
experiments in sulfate-chloride solutions at 150°C, rather than precipitation experiments involving
ferrous/ferric sulfate (Section 2.8). These experiments would help understand the dissolution of
ferrihydrite and its re-precipitation as hematite and/or goethite, its solid-state transformation to
hematite and the solubility of hematite in sulfate-chloride solutions at various levels of acid
concentration (0-25 g/L). This may help elucidate the pathway of iron precipitation in the CESL
process, including insight into the transformation of ferrihydrite. Furthermore, there are no public
reports of ferrihydrite and transformed hematite solubility in chloride-sulfate solutions, so this
chapter adds to the literature in this area.
The batch solubility of synthetic ferrihydrite and the transformed hematite was measured under
CESL process conditions. Experiments were performed in sulfate-chloride solutions at 150°C,
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with and without copper sulfate or nickel sulfate at different acid concentrations, to create a final
hematite product with increased crystallinity. The effect of initial acid concentration on the final
transformed hematite product was correlated with previously analyzed precipitates from the CESL
process (Chapter 4). As noted above, the solubility of ferrihydrite, and the hematite formed from
ferrihydrite, in an autoclave (at CESL conditions) has not previously been attempted.
7.1
7.1.1

Experimental
Ferrihydrite synthesis

The ferrihydrite synthesis was performed using the solvent deficient method recently reported for
the synthesis of metal oxide nanoparticles (Smith et al., 2012; Woodfield et al., 2007). Smith et al.
(2012) demonstrated that the solvent-deficient synthetic method produces chemically pure
ferrihydrite crystallites (2-6 nm) suitable for adsorption applications due to their high surface areas,
high porosity, and low water content. The ferrihydrite produced by the solvent deficient method
was identical in structure to that produced by other synthetic methods (Michel et al., 2007).
The ferrihydrite synthesis was performed in four simple steps: mixing, drying, washing, and redrying. Iron(III) nitrate nonahydrate (Fe(NO3)3·9H2O) and ammonium bicarbonate (NH4HCO3)
were mixed at a 1:3 mole ratio in a glass mortar and pestle (to avoid contamination). The water of
hydration from the metal salt is released due to the mixing action, and the reagents begin to
dissociate. The metal cations impart acidity to the slurry, and the bicarbonate decomposes into
CO2 gas and H2O. This additional H2O from the decomposition of bicarbonate results in a chain
reaction of dissociation and decomposition producing bubbles. The mixing is continued until the
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bubbling ceases and a dark brown product is formed. The so-obtained product was dried in an oven
at 80°C. Drying resulted in the formation of white ammonium nitrate (NH 4NO3), which was
washed away using distilled water and a vacuum filter. The washed precipitate was re-dried in an
oven, again at 80°C, and the resulting precipitate was characterized and used in the solubility
experiments.
Microscopy (SEM) revealed large aggregates of ferrihydrite particles measuring up to 25 µm.
However, these easily disintegrated and dissolved in HaHC, as demonstrated in Section 7.1.3. The
SEM micrographs are shown in Figure 7-1. The micrographs are similar to those reported by Das
et al. (2011).

Figure 7-1: SEM micrographs of synthetic ferrihydrite aggregates
Scale bar a) 100 µm and b) 30 µm

7.1.2

Quantitative X-ray powder diffraction (QXRPD)

The quantitative phase analysis was performed using the Rietveld method and X-ray powder
diffraction data (refer to Section 4.4).
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The QXRPD found the synthetic ferrihydrite to be 100% amorphous. The X-ray spectrum of the
as-synthesized ferrihydrite is presented in Figure 7-2. The X-ray spectrum matches the X-ray
patterns of “2-line” ferrihydrite and the structural scheme proposed by Eggleton and Fitzpatrick
(1988) and Drits et al. (1993). According to Loan et al. (2002), ferrihydrite shows low-intensity
broad reflections in an XRD pattern due to short-range structural order and very small particle size
(1–7 nm). Thus the aggregates in Figure 7-1, are composed of nanoscale particles. Ferrihydrite’s
structure was reviewed in Section 2.4.

Figure 7-2: X-Ray diffraction pattern of the as-synthesized ferrihydrite via the solvent deficient
method

7.1.3

HaHC extraction

Hydroxylamine hydrochloride (HaHC) was used for the selective extraction of the amorphous or
poorly crystalline iron oxides/oxyhydroxides (as described in Section 4.4). The synthetic
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ferrihydrite, as expected, completely dissolved into the solution and no residue (R1) was left as
shown in Figure 7-3. This implies that the synthetic ferrihydrite was free of crystalline ferric oxyhydroxides such as hematite or goethite (please see Section 4.4 for further information).

Figure 7-3: Synthetic ferrihydrite solubility in HaHC at 50°C

7.1.4

Electrolyte preparation for ORP tests

Oxidation-reduction potential (ORP) is a measure of the tendency of solution species to either gain
or lose electrons and thereby be reduced or oxidized, respectively. The ORP of the solubility test
solutions was measured to gather information on the speciation of iron (Yue et al. 2014, 2015). To
verify that the ORP-speciation model used herein remained valid for high-chloride CESL-type
solutions, control solutions with known ferrous and ferric concentrations were prepared. These
solutions were prepared according to the procedure described by Yue (2015). Deionized water,
sulfuric acid (H2SO4, 95.0-98.0%, Fisher Scientific Canada), iron(III) sulfate pentahydrate
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(Fe2(SO4)3•5H2O, 97%, Acros), iron(II) sulfate heptahydrate (FeSO4•7H2O, 99+% for analysis
ACS, Acros), copper(II) sulfate pentahydrate (CuSO4•5H2O) and nickel(II) sulfate hexahydrate
(NiSO4•6H2O) were used to prepare the desired electrolyte. Before each test, a fresh background
solution was prepared, with 10 g/L H2SO4. The ferrous ion concentration was determined by the
various nominal Fe(III) to Fe(II) molar ratios of (1:1, 10:1, 100:1). The solution was prepared by
dissolving 22.73 g of Fe2(SO4)3•5H2O, and the corresponding amount of FeSO4•7H2O was
balanced and dissolved in the H2SO4. Solutions containing copper and nickel were prepared in a
similar way, where copper was added as CuSO 4•5H2O and nickel as NiSO4•6H2O.
7.1.5

Experimental procedure for solubility measurements

The solubility experiments were performed using a 1.0 L titanium autoclave from the Parr
instrument company. The impellers were driven at 300 rpm to mix the slurry thoroughly, and to
promote thermal equilibrium within the vessel. It is important to note that the impellers and
impeller shaft were made from titanium as this will become significant in the discussion below.
Sampling was performed using a titanium dip tube that extended into the solution. The dip tube
was fitted with a sintered 2 µm titanium filter. A 0.5 µm titanium frit enclosed inside a titanium
union fitting was connected in series with the 2 µm titanium filter to provide finer in-situ filtration.
There was no visual evidence that solids passed through the filter during sampling. Solution
samples were cooled in the sampling tube outside the autoclave before being collected into
polystyrene test tubes. The sample cooling was performed by passing cold water through a copper
coil that was wrapped around the titanium sampling tube. A titanium needle valve was used to
control the sampling.
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Feed slurry of 500 mL containing the synthetic ferrihydrite, sulfuric acid, the source of Cl − (LiCl),
copper sulfate, and nickel sulfate was transferred to the autoclave vessel at room temperature. The
slurry was held in a glass liner to limit the exposure of the titanium vessel to the acidic solutions
to prevent contamination and corrosion. The temperature was raised to 150°C over a period of 20
min, and the agitation was maintained at 300 rpm (higher agitation was avoided to prevent
splashing of the solution over the wall of the glass liner). Time ‘zero’ was the point at which the
system attained 150°C. The samples were collected every 30 min for up to 120 min and every 60
min after that. Sampling was performed in a clean titanium sampling line to prevent contamination
and re-dissolution of the precipitate/colloidal iron particles due to cooling. Before the start of each
experiment, the dip tube and sampling line were thoroughly washed with 10 g/L sulfuric acid
followed by deionized water and pressurized air was used to drive off any remaining liquid.
Samples were collected by opening the needle valve on the sampling line. The first 5 mL of
solution withdrawn was discarded before another 5 mL was withdrawn and analyzed. This ensured
that stagnant liquid in the sampling line was removed before the well-mixed solution from inside
the autoclave was collected. After 360 min of operation, the autoclave was cooled down to 25°C
in 8 min. The autoclave was disassembled, and the residue was immediately filtered, washed, dried
and analyzed.
The redox potential of the final solution was measured with a saturated Ag/AgCl electrode. All
measured potentials were converted from Ag/AgCl to the standard hydrogen electrode (SHE). All
potentials in this study are quoted with respect to the SHE at 25°C unless otherwise stated. Final
acid concentration of the solutions was determined by titration with 0.1 N NaOH. A solution of
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Mg-EDTA (0.2 M MgSO4 + 0.1 M EDTA) was used to complex with hydrolyzable metal ions
which contribute protons by reaction with hydroxide ions in the water (Rolia and Dutrizac, 1984).
The Mg-EDTA stock solution was prepared by dissolving 0.1 moles (29.225 g) of EDTA in 600
mL of H2O and 0.2 moles (40.66 g) of MgCl2•6H2O in 150 mL of H2O. The stock solutions were
combined with slow addition of 10% NaOH solution to raise the pH of the solution to 9 – 10 while
mixing with a magnetic stirrer until a clear solution was obtained. Using 0.01 mol/L of the sulfuric
acid solution, the pH of the Mg-EDTA solute was lowered to 7. The final volume was brought to
1 L with distilled water. Free acid was determined using Mg-EDTA titration with the fixed pH
endpoint method (Rolia and Dutrizac, 1984; Zhu et al., 2009). A 50 mL Mg-EDTA stock solution
was transferred to a 150 mL beaker. The pH of the stock solution was measured, and if required,
it was adjusted to 7 with 0.01 mol/L H2SO4 and 0.01 mol/L NaOH solutions. 1 mL of the sample
solution was added to the beaker, and the pH of the system dropped due to the free acid contained
in the added sample. The system was stirred with a magnetic stirrer and titrated with a standard
0.01 mol/L NaOH solution until the pH returned to the original set value of 7. Free acid in the
sample was calculated using the volume of the NaOH solution used for titration. All titrations were
repeated three times, and the average values are reported.
The chemical speciation of the system was calculated using the thermochemical modeling software
PHREEQC (Parkhurst and Appelo, 1999). There are a variety of similar programs available for
speciation studies. These programs are classified into two categories depending on their theoretical
basis: the law of mass action (e.g. PHREEQC, MIN3P, and Geochemist's workbench) or the Gibbs
energy minimization theories (e.g. GEMS, ChemApp). However, international benchmark
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activities have established that they are equivalent if the thermodynamic database provides equal
parameters (Steefel et al., 2015). Therefore, accurate predictions mostly rely on a thermodynamic
database that is valid for the conditions studied. For the present calculations, the database ‘sit.dat’
in combination with ‘llnl.dat’ was employed. Sit.dat was derived from databases that use
thermodynamic data compiled by the Lawrence Livermore National Laboratory such as of EQ3/6
and geochemist's workbench (Parkhurst and Appelo, 2013).
7.2

Results and discussion

The synthetic ferrihydrite was expected to completely transform into crystalline hematite in the
autoclave at 150°C as discussed in Sections 2.7 and 2.8 (Reactions 2-16, 2-17 and 2-19). The
percent of iron dissolved at various initial acid concentrations ranging from 0 g/L to 25 g/L is
presented in Figure 7-4. The amount of iron dissolved was higher for higher sulfuric acid
concentrations, but it slowly decreased with time and reached a near-asymptote after about 120
min. For a low acid concentration, between 0 g/L and 5 g/L, there was a lower level of dissolved
iron in the solution indicating low solubility for ferrihydrite and transformed hematite at low acid
concentrations.
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Figure 7-4: Percent of Fe dissolved from the total initial Fe put into the system as synthetic
ferrihydrite (20 g/L) at various initial sulfuric acid concentrations (inset legend) in sulfate-chloride
(12 g/L) solutions at 150°C

To interpret these results, it is essential to understand the mechanism of ferrihydrite dissolution,
its reprecipitation as hematite and its solvent-mediated solid-state transformation to hematite in
the autoclave at 150°C. Many solid-solid transformations are capable, given enough time, of
converting from one form to another. These conversions occur much more rapidly in the presence
of a solvent. These are referred to as solvent-mediated transformations (Aucamp et al., 2015). The
hematite with the lowest solubility is the most stable at a given temperature. Ferrihydrite, with a
higher solubility than hematite, would eventually dissolve and recrystallize as hematite as the
system tends to equilibrium. Ferrihydrite also undergoes a simultaneous solvent-mediated solidstate transformation to hematite (Cornell and Schwertmann, 1996). In any hydrometallurgical
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process it is generally advisable to precipitate iron as the most stable hematite to avoid any
subsequent transformations that may impact on the process or on long term storage of the residues
(see Section 2.3).
The solvent-mediated transformation may prevent accurate solubility measurements of metastable
ferrihydrite. The situation is similar to the solubility of metastable polymorphs described in the
solubility studies of certain polymorphic pharmaceutical drugs and reviewed by Nicoud et al.
(2018). The solvent-mediated metastable polymorphs also prevent accurate solubility
measurements and solubility obtained for such substances has been described by the expression
“kinetic solubility” (Brittain, 2014). However, Nicoud et al. (2018) argue that solubility is not a
kinetic property, and its real value would not be affected by the time course of a polymorphic
transformation.
Experimental determination of the solubility of metastable polymorphs is challenging due to the
solvent-mediated transformation toward a more stable form. The transformation occurs due to the
difference in solubility between the metastable form and the stable form. The supersaturation of
the stable polymorph is still positive when the solute concentration is equal to the solubility of the
metastable polymorph, and therefore the stable form will start crystallizing. This results in a
decrease in the solute concentration and takes it to below the solubility limit of the metastable
form, triggering the dissolution of the metastable form (Nicoud et al., 2018).
During this transformation, if the metastable form dissolves faster than the precipitation of the
stable form, the solute concentration remains equal to the solubility of the metastable form. On the
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other hand, if the metastable form dissolves more slowly than the precipitation of the stable form,
the solute concentration falls below the solubility of the metastable form. When all the crystals of
the metastable form have transformed, the stable form continues to precipitate until reaching
equilibrium. The solvent-mediated transformation of several polymorphs during solubility
measurement has been studied experimentally, and it is reported that the crystallization of the
stable form often starts on the surface of the metastable crystals, a phenomenon referred to as
cross-nucleation (Cashell et al., 2003; Nicoud et al., 2018).
In the current study, the solubility of metastable ferrihydrite proceeds via the following five steps.
1. Dissolution of ferrihydrite to Fe(III) (Reaction 2-17)
2. Re-precipitation of Fe(III) as hematite due to cross nucleation (Reaction 2-19)
3. Solid-state transformation of the remaining ferrihydrite to hematite (Reaction 2-16)
4. Dissolution of transformed hematite to Fe(III) (Reaction 2-19)
5. Growth of the remaining hematite particles (Section 2.5)
As described in the experimental procedure above, ferrihydrite is introduced into the autoclave at
room temperature and heated to 150°C. The time (t = 0) marks the system’s attainment of 150°C.
In order to see if the ferrihydrite is completely dissolved and reprecipitated as hematite (steps 1, 2,
4 and 5), some preliminary experiments were performed at various temperatures with varying acid
concentrations in sulfate-chloride solutions. At 0 to 25 g/L H 2SO4 and 12 g/L Cl− and temperatures
of 25, 60 and 95°C, complete dissolution of ferrihydrite did not occur even after 48 h. However,
at an acid concentration of 50 g/L H2SO4 and 12 g/L Cl− at 60°C, complete dissolution of
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ferrihydrite was observed within the first 5 min. This suggests that, during the heat-up, complete
dissolution of ferrihydrite only occurs at acid concentrations higher than those employed in the
current study.
To further validate this, experiments were performed wherein ferrihydrite was introduced into the
autoclave in 10 g/L H2SO4 and 12 g/L Cl− and heated to 150°C, whereupon the reactor was
immediately cooled down to 25°C at t = 0 min and then, separately, at t = 60 min. The residues
were then analyzed by QXRPD and via HaHC leaching to determine the amount of ferrihydrite
and transformed hematite. In another set of experiments Fe(III) was introduced into the autoclave
as Fe2(SO4)3•5H2O, while keeping the amount of Fe(III) as Fe2(SO4)3•5H2O equal to the amount
of Fe(III) present as ferrihydrite in the previous experiments. The acid concentration studied was
10 g/L H2SO4 and 12 g/L Cl− at 150°C and time t = 0 and t = 60 min.
The experiments with Fe2(SO4)3•5H2O did not result in the precipitation of iron oxides at either
t = 0 or t = 60 min. This agrees with the precipitation studies involving Fe 2(SO4)3•5H2O performed
by Javed and Asselin (2018). It was reported that precipitation only occurred in the presence of 30
g/L Cu and/or the presence of hematite seed. Therefore, if all the ferrihydrite in the current study
dissolved during the heat-up stage, no precipitation of ferrihydrite or hematite would be
anticipated, and there would be no iron oxide residue found in the autoclave. However, in the
experiments involving ferrihydrite at t = 0 and t = 60 min in 10 g/L H2SO4 and 12 g/L Cl− at 150°C,
significant amounts of ferrihydrite and hematite were present. This indicates that ferrihydrite does
indeed undergo some dissolution and reprecipitation as hematite due to cross nucleation and,
perhaps, a solid-state transformation.
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The QXRPD analysis of the residue from the ferrihydrite feed experiment at t = 0 (150°C)
determined that ~99% of the residue remained as ferrihydrite (diffractogram shown in Appendix
D) while the HaHC treatment indicated the presence of 43.2 ± 0.5 wt% HaHC soluble phase (56.8
± 0.5 wt% remained undissolved). The difference between QXRPD and HaHC soluble phase is
due to the presence of poorly crystalline hematite (as discussed in Chapter 4). QXRPD cannot
detect poorly crystalline hematite and therefore shows it as an amorphous X-ray phase while HaHC
is very selective towards ferrihydrite (see Chapter 4, Section 4.4). The QXRPD analysis of the
residue from time t = 60 min at 150°C (the CESL process retention time is normally close to 60
min) was 66.5 ± 2.0 % hematite while 82.8 ± 0.5 wt% was undissolved by HaHC (i.e., likely
hematite of various particle sizes). This finding is important for the CESL process: the ferrihydrite
that forms during the leaching of sulfide concentrates at the usual free acid concentration of 10 g/L
H2SO4 and at 12 g/L Cl−, 150°C, never fully transforms to hematite. This agrees with residue
analysis performed for CESL conditions (see Chapter 4 and 6). The QXRPD and HaHC analysis
at t = 6 h are presented later in Table 7.4.
The percent of iron dissolved at 10 g/L initial acid concentration in the presence of Cu and Ni ions
is shown in Figure 7-5. The initial amount of iron dissolved from hematite was 6% in the presence
of Cu and 4% in the presence of Ni compared to 6.5 % for the blank test that did not contain any
Cu or Ni. At room temperature, Cornell’s group found that nickel slowed the transformation of
amorphous iron(III) hydroxides to goethite by stabilizing it against dissolution. It also affected the
transformation to hematite by suppressing the internal rearrangement process (Cornell et al., 1992).
Copper was also found to slow the transformation of ferrihydrite by suppressing goethite formation
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through the hindrance of the dissolution of ferrihydrite (Cornell and Giovanoli, 1988). However,
the decrease in the amount of iron dissolved and shown in Figure 7-5 may be due to an increase in
hematite precipitation in the presence of CuSO4 or NiSO4. This is probably due to the formation
of bisulfate (HSO4−) from the extra sulfate added to the system. Sulfate acts as a sponge for protons,
and Ni or Cu addition as sulfate should, therefore, increase pH at temperature, which results in a
decrease in the activity of the hydrogen ion (Tozawa and Sasaki, 1986). It has been demonstrated
that NiSO4 and MgSO4 at high temperatures buffered the ‘at temperature’ acidity (Baghalha and
Papangelakis, 2000, 1998; Jankovic et al., 2009; Rubisov and Papangelakis, 2000). The percent of
initial Fe dissolved for all three cases in Figure 7-5 decreased with time and stabilized after 120
min. At the end of 6 h, the difference between the amount of iron dissolved from hematite in the
presence of Cu or Ni is insignificant but both are lower than the blank test that did not contain any
Cu or Ni. This is consistent with the lower solubility of hematite in the presence of zinc as reported
by (Tozawa and Sasaki, 1986). At the end of 6 h in the current study, most of the dissolved iron
has precipitated as hematite, and most of the remaining ferrihydrite transformed to hematite, and
one could infer that the iron concentration at this point represents the solubility of hematite for this
condition (see Table 7-4).
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Figure 7-5: Percent of Fe dissolved in the presence of Cu and Ni from the total initial Fe put into
the system as synthetic ferrihydrite at 10 g/L initial sulfuric acid, 12 g/L chloride solutions at 150°C

Hematite solubility data has been experimentally determined by Umetsu et al. (1977), Sasaki et al.
(1993) and Reid and Papangelakis (2006), as discussed in Section 2.8. Sasaki et al. (1993)
measured solubilities via hydrolytic precipitation of hematite from ferric sulfate solutions while
Umetsu et al. (1977), and Reid and Papangelakis (2006) measured solubility via the dissolution of
hematite.
Umetsu et al. (1977) and Sasaki et al. (1993), developed equations for different temperatures
relating the equilibrium iron concentration to the equilibrium free acid concentration. The
concentration of iron decreased with time and attained a constant value. It was assumed that
hematite was at equilibrium when the iron concentration became constant after ca. 16 h. When
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equilibrium was reached in various concentrations of sulfuric acid at 150°C, the relationship
between the concentrations of iron and free sulfuric acid at equilibrium resulted in a straight line
on a log-log graph. These relationships were based on a least-squares fit of the data and were
expressed as an equation. Similar equations were developed here from the data presented by Reid
and Papangelakis (2005, 2006) and for the current work after 6 h of solubility measurement for
various acid concentrations. The concentrations in Equations 7-1 to 7-4 are in g/L, and the
temperature is 150°C.
Umetsu et al. 1977(sulfate solutions)
log[Fe3+] = 3.80 log[H2SO4] − 6.05

7-1

Sasaki et al. 1987 (sulfate solutions)
log[Fe3+] = 3.24 log[H2SO4] − 4.44

7-2

Reid, 2005; Reid and Papangelakis, 2006 (sulfate solutions)
log[Fe3+] = 3.26 log[H2SO4] – 5.29

7-3

Current work (sulfate-chloride solutions)
log[Fe3+] = 1.92 log[H2SO4] – 2.90

7-4

The end-point solubility data generated by the current work is different as it originates from the
solubility of ferrihydrite and its transformation product (“transformed hematite”) in mixed sulfatechloride solutions. Nevertheless, the data gathered here is compared to the previous experimental
work on hematite in Figure 7-6.
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Figure 7-6: Comparison of solubility data from sulfate-chloride solutions with Umetsu et al. (1977),
Sasaki et al. (1993) and Reid and Papangelakis (2006)

The current work produces lower solubilities versus final acid concentrations than those predicted
by the previous work of Sasaki et al. (1993). This discrepancy is due to the approach to equilibrium
via precipitation and due to the lack of in-situ sample filtration in the Sasaki work. Hematite
solubility results are affected by the route taken to reach equilibrium, which, as discussed above,
includes hydrolytic precipitation of hematite or hematite dissolution. Hematite precipitation occurs
when the solution becomes supersaturated in iron. Supersaturated solutions generate metastable
ferrihydrite in colloidal-sized particles that are eventually transformed to hematite. These
ferrihydrite colloidal particles have been shown to readily dissolve at low temperatures by Reid
and Papangelakis (2006) at higher acid concentrations of up to 70 g/L H 2SO4. Approaching

190

equilibrium via the precipitation route is expected to generate more colloids versus the hematite
dissolution route. This is because precipitation requires solution supersaturation that is a
prerequisite for colloidal formation. Whereas, hematite dissolution does not produce solution
supersaturation because hematite dissolution is driven by the fact that the solution is not saturated.
Dissolution ceases once the solution is saturated in iron and the equilibrium has been attained. Insitu sampling was not employed by Sasaki et al. (1993) and, therefore, both the hematite and the
colloidal particles were exposed to low temperatures as the samples were cooled. As temperature
decreases, the solubility of hematite increases, and colloidal particles would have dissolved into
the solution during sampling, thus inflating the measured solubility.
On the other hand, the current work produces higher solubilities versus final acid concentrations
than those predicted by the previous studies of Umetsu et al. (1977) and Reid and Papangelakis
(2006). It is important to reiterate that the data presented here is for solubility of ferrihydrite and
the transformed hematite in a mixed chloride-sulfate background whereas that from previous
studies is of hematite-only in a sulfate-only background. The possibility of the presence of Cl − in
the current system forming complexes with ferric and increasing its solubility is explored in the
following paragraphs.
The Fe3+ /Fe2+ redox potentials are higher in chloride solution compared to sulfate solutions. Fe 3+
forms strong complexes with the sulfate and bisulfate anions, lowering the activity of the oxidant.
In chloride solution, the complexation of Fe3+ is not as strong, and the oxidant has higher activity.
Riveros and Dutrizac (1997) attributed the reduction of the yield of hematite from chloride
solutions to the effect of chloride ions on the activity of the hydrogen ions in solution. Higher
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acidity (i.e., increasing hydrogen ion activity) sharply decreased the amount of hematite
precipitated. Majima and Awakura (1981) have shown that increasing concentrations of ‘free’
chloride ion significantly increases the activity of the hydrogen ions, that, in turn, causes a decrease
in the amount of hematite precipitated.
Majima et al. (1985) studied the leaching of hematite in hydrochloric acid and sulfuric acid
solutions at 55°C. The experimental rate data showed that a chemical reaction process controlled
the overall leaching reaction. The leaching rate of hematite was found to be of first order with
respect to proton activity (aH+) in hydrochloric acid while it was of half order in sulfuric acid
solutions. Majima et al. (1985) also found that hematite leaching was enhanced by the addition of
sodium chloride to sulfuric acid. The addition of sodium chloride increased proton activity in the
sulfuric acid solution, and this increased the leaching rate, which then approached that of the
hydrochloric acid solutions. If the dissolution reaction of hematite in an acid solution is controlled
merely by the action of hydrogen ions, the same leaching rate should be obtained when different
acid solutions, which have the same level proton activity, are compared. However, the leaching
rate in sulfuric acid solution was different from that in hydrochloric acid.
Majima et al. (1985), hypothesized that adsorption of anions onto the mineral surface also directly
determined the leaching rate. Since the hematite surface is positively charged, the ions adsorbed
next to the surface would be anions from the solution. The anions present in the solutions in their
study were hydroxyl ions, anions dissociated from the acids and salts added, and complex anions
of Fe(III). The main anions are bisulfate and sulfate ions in the sulfuric acid system and chloride
ions in hydrochloride acid systems. According to Majima et al. (1985), the fact that the leaching
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rates of hematite were quite different in various acids having the same aH+ indicated the importance
of anion adsorption. The higher hematite solubilities in a mixed chloride-sulfate background
compared to previous studies performed only in a sulfate background (see Figure 7-6), may be
attributed to the combined effect of proton activity and anion adsorption.
A speciation analysis was performed to verify the effect of Cl −. The speciation of Fe(III) at various
pHs in the sulfate-chloride system at 150°C is shown in Figure 7-7. The sulfate-only system is
shown in Figure 7-8. At pH > 0.4, Fe in the aqueous phase is below 1.68 g/L (see Figures 7-9, 711 to 7-15). Therefore, the molar fractions for aqueous species, in %, are plotted as the molality of
each species divided by the total molality of dissolved Fe. However, for the Fe in solid phases: it
is calculated, in %, as the moles of hematite divided by the moles of hematite plus the total molality
of dissolved Fe. Total Fe in the system is a sum of Fe as free ferric, Fe as complexes and Fe as
hematite as illustrated as follows:
[Fe3+ ]

=[Fe3+ ]

+Ʃ [Fe3+ ]

+[Fe3+ ]

The pH of the solution was measured at 25°C after 6 h for initial acid concentrations from 0 to 25
g/L used in the current study and found to vary between pH 0.4 and 0.9, which would increase at
150°C to ‘at temperature acidity’. At pH 0.5, corresponding to the acid concentration of 15 g/L,
the amount of Fe as hematite at 150°C is ~96% according to the speciation analysis (see Figure
7.7). This agrees with the chemical analyses of Fe performed on the solution samples drawn from
the autoclave at 150°C. The soluble Fe was 0.43 g/L at 15 g/L acid concentration and pH 0.5 (see
Figure 7-13), which is about 3.9% of 11 g/L total Fe introduced as ferrihydrite and therefore the
remaining 96.1% Fe should be present as hematite (same is shown in Figure 7.7). The soluble Fe
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at 0.43 g/L is made up of ~50% free ferric ([Fe3+ ]
complexes ([Fe3+ ]

), and the rest of the soluble Fe exits as Fe

). The presence of Cl− results in the ferric chloride complexes FeCl

and FeCl and decreases the amount of ferric sulfate complexes FeSO

and FeHSO

and seems

to be of significance below pH 0.4, i.e. at higher concentrations of acid than those studied here
(see Figure 7.7). However, between the pH values of 0.4 ‒ 0.9 or higher, which are relevant to the
current study, the hematite is always present in the system and is approximately 96 %, in both
sulfate-chloride and sulfate-only systems at pH 0.5 (15 g/L acid concentration). Therefore, in the
current study, the presence of Cl− does not appear to be contributing to the measured solubility, as
shown in Figure 7-6. The higher solubilities seen in Figure 7-6 are likely a result, then, of the
higher ferrihydrite solubility and solvent-mediated transformation of metastable ferrihydrite to
stable hematite as discussed earlier. These transformations are ongoing and require a higher
supersaturation, and perhaps the poorly crystalline hematite formed in the current study is more
readily soluble than the well-formed synthetic hematite employed in previous studies. Lastly, there
remains the possibility of colloidal hematite particles passing through the sampling filter. This is
deemed unlikely, however, as no colloids were observed in sample solutions. Sampling was
performed by opening the valve for about 2-3 seconds and letting out ~5 mL of solution. Therefore,
if colloidal hematite did pass through the filter, it was likely not a significant amount but this source
of error cannot be ruled out.
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Figure 7-7: PHREEQC calculated equilibrium Fe(III) species of the solution at 150°C in the
presence of 11 g/L Fe(III) and 12 g/L Cl− added as LiCl

Figure 7-8: PHREEQC calculated equilibrium Fe(III) species of the solution at 150°C in the
presence of 11 g/L Fe(III) and in the absence of added Cl−
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Further insight into the solubility of ferrihydrite can be gained from relative amounts of Fe(III) and
Fe(II) that were present (more on the presence of Fe(II) later). Yue et al. (2014), developed a
thermodynamic model for predicting the oxidation-reduction potential (ORP) of the H 2SO4Fe2(SO4)3-FeSO4-H2O system through a wide range of solution compositions and temperatures up
to 150°C. In H2SO4 solutions, free Fe(III) ions, Fe3+, were found to account for only a small
percentage of total Fe(III), as most of the Fe(III) was distributed as sulfate complexes or as hematite.
However, a significant amount of Fe(II) was found to exist as free Fe(II) ions, Fe 2+. Yue et al.
(2016) demonstrated that the model predicts the change in redox potential for all Fe(III) to Fe(II)
ratios at various temperatures. An expression was developed to predict the redox potential of the
Fe(III)/Fe(II) couple, which also predicts ORP since the Fe(III)/Fe(II) couple is potential
determinant in such systems (Equation 7-5). The redox potential can accurately be determined
based only on the variables of temperature and the nominal Fe(III) to Fe(II) ratio (Yue et al., 2016)
using Equation 7-5.

𝐸(mV) = −1 × 10
+

× [𝑇(K)] + 0.91 × 𝑇(K)

𝐶
2.303𝑅
× 𝑇(K) × 10 × log
𝑛𝐹
𝐶

7-5

,

+ 492
,

Equation 7-5 was verified for this work for chloride, Cu and Ni-containing solutions. Synthetic
solutions containing Cu, Ni, Fe(II) and Fe(III) at known ratios were prepared as described in
Section 7.1.4. The chloride concentration was maintained at 12 g/L. The ORP measurement was
performed on these solutions, and the measured ORP values were used in Equation 7-5 to obtain
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the nominal Fe(III) to Fe(II) ratio. The nominal Fe(III) to Fe(II) ratios calculated using Equation
7-5 were found to be in good agreement with the actual Fe(III) to Fe(II) ratio used to generate the
synthetic solutions, as shown in Table 7-1. The average error between the actual ratio in the
synthetic solution and the calculated Fe(III) to Fe(II) ratio was less than 3%. This is not surprising
given the wide range of applicability of this equation as pointed out by Yue et al. (2016), where
metals such as Cu, Ni, Zn, and Pb were present (Cu: 5 g/L, Ni: 55 mg/L, Zn: 142 mg/L and Pb:
17.35 mg/L).
Table 7-1: Ferric to ferrous ratio of synthetic solutions containing chloride, copper and nickel in
10g/L H2SO4 at 25°C

Synthetic solution
composition
(10 g/L H2SO4)

12 g/L Cl

12 g/L Cl
+
12 g/L Cu
12 g/L Cl
+
12 g/L Ni

Actual Fe(III) to
Fe(II) ratio in
synthetic soln.

Measured ORP
values at 25°C
(SHE)

Calculated
Fe(III) to
Fe(II) ratio
using Eqn 7-5

1:1

675.0

1.0:1

1.0

10:1

734.0

10.2:1

1.6

100:1

792.8

100.1:1

0.1

1:1

676.0

1.1:1

5.7

10:1

735.0

10.6:1

5.3

100:1

793.0

100.9:1

0.9

1:1

676.0

1.1:1

5.7

10:1

734.8

10.5:1

4.6

100:1

792.8

100.1:1

0.1

% error
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Equation 7-5 was used to calculate the nominal Fe (III) to Fe (II) ratio from the ORP measurements
taken from the solution samples obtained from the ferrihydrite solubility experiments. The ORP
values were measured at 25°C, and they are shown in Table 7-2.
Table 7-2: The oxidation-reduction potential of solutions from the hematite solubility experiments

Measured ORP values at 25°C (SHE)

Time
(min)

0 g/L

5 g/L

10 g/L

0

690

796

771

725

30

709

778

756

60

717

770

90

730

120

10g/L+Cu 10g/L+Ni

15 g/L

20 g/L

25 g/L

806

748

806

742

755

909

735

740

732

745

870

905

734

734

728

765

744

885

903

733

733

725

742

765

744

885

895

732

727

721

180

771

765

744

885

892

732

727

718

240

810

760

744

885

892

731

728

714

300

820

753

744

885

892

731

726

710

360

820

743

744

885

892

731

725

710

The calculated ferric to ferrous ratio using Equation 7-5 is shown in Table 7-3. The total iron
concentrations obtained from the chemical analysis of solution samples and the calculation method
are shown in Appendix E.
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Table 7-3: Ferric to ferrous ratio in hematite solubility solutions at 25°C at varying acid
concentrations (12 g/L Cu and 12 g/L Ni added only at 10 g/L H 2SO4)

Calculated Ferric to ferrous ratio at 25°C (using Equation 7-5)

Time
(min)

0 g/L

5 g/L

0

0.3

8.3

4.1

1.0

30

0.6

5.0

2.6

60

0.8

4.0

90

1.2

120

10 g/L 10g/L+Cu 10g/L+Ni

15 g/L

20 g/L

25 g/L

10.9

2.1

10.9

1.7

2.6

186.8

1.4

1.6

1.3

1.9

64.0

167.4

1.4

1.4

1.1

3.4

1.8

96.7

158.5

1.3

1.3

1.0

1.7

3.4

1.8

96.7

127.2

1.3

1.1

0.9

180

4.1

3.4

1.8

96.7

117.2

1.3

1.1

0.8

240

12.2

3.0

1.8

96.7

117.2

1.2

1.1

0.7

300

16.1

2.4

1.8

96.7

117.2

1.2

1.1

0.6

360

16.1

1.8

1.8

96.7

117.2

1.2

1.0

0.6

The amount of iron dissolved, which is present as Fe(III) and Fe(II), along with total iron at various
initial acid concentrations ranging from 0 g/L to 25 g/L is presented in Figure 7-9 and Figure 7-11
to Figure 7-15. The amount of total iron dissolved increases as the acid concentration increases for
all cases ranging from 0 g/L to 25 g/L. However, the behavior of Fe(III) and Fe(II) ions varies for
different acid concentrations and over time.
At 0 g/L initial acid containing 12 g/L chloride (initial pH 4.0, final pH 1.65) and over the first 120
min, there is more Fe(II) than Fe(III) (as shown in Figure 7-9), however, after 120 min, the Fe(II)
decreases and the Fe(III) increases. The presence of these Fe(II) ions may be due to the residual
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ferrous (~0.1%) that is present in the synthetic ferrihydrite feed sample and which may leach
rapidly.

15
0 g/L initial acid

Fe (mg/L)

12
9

Fe Tot.
Ferrous
Ferric

6
3
0
0

100

200
Time (min)

300

400

Figure 7-9: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 0 g/L initial acid. Chloride ion added as LiCl.

The corresponding Fe-Cl speciation diagram at 25°C for the conditions related to Figure 7-9, is
shown in Figure 7-10. The speciation diagram shows that Fe is soluble in the solution up to pH
2.0. The chloride complexes with Fe and keeps it dissolved in the solution for the conditions
relevant to the experiments in this work.
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Figure 7-10: Fe-Cl speciation diagram for 0 g/L initial acid concentration, pH 1.68 at the end of 6 h
and the measured ORP of 0.76 V at 25°C (SHE)
(software used:Medusa)

At initial acid concentrations of 5g/L, 10 g/L and 15 g/L, the amount of Fe(III) and Fe(II), as well
as the total dissolved iron, shows a similar trend, as seen in Figure 7-11, Figure 7-12 and Figure
7-13. In all three cases, the amount of dissolved Fe(III) is higher than Fe(II). However, as the initial
acid concentration increased from 5 g/L towards 15 g/L, the ferric concentration decreased, and
ferrous concentration increased. The gap between the ferric line and ferrous line decreased,
indicating that the Fe(III) to Fe(II) ratio approached 1.0 (as can also be seen in Table 7-3).
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Figure 7-11: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 5 g/L initial acid
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Figure 7-12: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 10 g/L initial acid
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Figure 7-13: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 15 g/L initial acid

At an initial acid concentration of 20 g/L, as shown in Figure 7-14, the amount of Fe(III) and Fe(II)
is similar after the initial 120 min. The ratio of Fe(III) to Fe(II) approaches 1:1. The results
presented in Table 7-4 show that most of the ferric precipitated as stable hematite under these
conditions. Yue (2015) also found that a large amount of Fe(III) precipitated as Fe 2O3 when the
nominal Fe(III) to Fe(II) ratio was 1:1 and attributed this to FeSO4. The Fe(III) to Fe(II) ratio of
1:1 means there is a lot of FeSO4 which increases pH at high temperature resulting in so-called “at
temperature acidity” (Rubisov and Papangelakis, 1999).
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Figure 7-14: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 20 g/L initial acid

The Fe(III)-Fe(II) relationship changed at 25 g/L acid, as shown in Figure 7-15. The solubility of
hematite proceeded in a similar manner to that seen for low acid concentrations up to about
100 min, after which time the amount of ferrous increased. The total amount of iron dissolved for
the 25 g/L acid condition was the highest among all the acid concentrations tested here. The Fe(III)
to Fe(II) ratio was less than 1.0 at 25 g/L acid. Since Fe(II) promotes the stability of goethite
(Section 2.7), this phase was expected in the final product.
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Figure 7-15: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 25 g/L initial acid

The concentrations of Fe(III) and Fe(II) in the presence of dissolved Cu and Ni are compared in
Figure 7-16 and Figure 7-17. The effect of Cu and Ni during the solubility of hematite was
discussed earlier (see Figure 7.5). The amount of Fe(II) in the presence of dissolved Cu and Ni,
after 120 min at 10 g/L acid was negligible and stayed the same throughout the rest of the
experiment. The amount of Fe(III) and the amount of total iron remained the same, indicating that
Fe(III) was the predominant soluble oxidation state in the presence of dissolved Cu or Ni. This is
an important finding given the corrosion discussion that follows.
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Figure 7-16: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 10 g/L initial acid in presence of 12 g/L Cu ions
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Figure 7-17: Concentration of total iron, ferric and ferrous iron dissolved from hematite in sulfatechloride solutions at 150°C for 10 g/L initial acid in the presence of 12 g/L Ni ions
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7.2.1

Titanium corrosion

Ferric iron reduction in the present work (and in the absence of soluble Cu or Ni) was almost
certainly caused by passive titanium corrosion (corrosion at a low rate and through the passive
film). While steps were taken here to limit this phenomenon (the use of a glass liner, for example,
and the presence of Fe(III)), the extent to which this corrosion would change the solution chemistry
was unanticipated. Ti corrosion while measuring hematite solubility in sulfuric acid has been
previously described by Reid and Papangelakis (2006).
As noted above, it was initially thought that the ferrihydrite dissolution would yield sufficient
ferric ions to strongly passivate the exposed internal titanium surfaces of the autoclave (which
consisted only of the agitator shaft, impeller, and sampling frit). Liu (2015) studied titanium
corrosion in sulfate-chloride solutions at 150°C and reported that corrosion rates in such solutions
can be extremely high in the absence of inhibitors such as Fe(III) or Cu(II). For example, after
one-week of immersion in 30 g/L H2SO4 and 12 g/L Cl− at 150°C, Ti coupons were completely
corroded. It was assumed that the Ti coupons dissolved over a period of 7 days (although this could
have occurred faster) and the corrosion rate of Ti was conservatively estimated to be at least 62 mm
per year in sulfate-chloride solution at 150°C. The corrosion conditions, in fact, became so
reducing that sulfate was reduced to hydrogen sulfide during the exposure period (Liu, 2015). Such
a scenario of rapid impeller and shaft corrosion could only have occurred in the very early stages
of the solubility experiments before a significant concentration of ferric was attained. Liu (2018)
found that the critical concentration of Fe(III) required to passivate Ti in 30 g/L H 2SO4 and 12
g/L Cl– solutions, at temperature 30 ‒ 80°C, was 1.0 – 6.0 mM, in the absence of Fe(II). If Fe(II)
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was present at a higher concentration than Fe(III), it might not matter how much Fe(III) is in the
system and the ORP might be low simply due to high ferrous to ferric ratio. Using the corrosion
rate of 62 mm/yr at an initial H2SO4 concentration of 25 g/L (cf. Figure 7-4 and 7-15 for
conditions), one could expect about 0.01 g (0.0002 mol) of Ti to have corroded over a period of
15 min for an impeller blade surface area of 12 cm 2. The soluble titanium concentration for this
condition was measured post-experiment, and it was found to be 8.85 mg/L (or approximately 0.01
g in 360 mL solution), which agrees with the expected corrosion rate in uninhibited sulfuric acid
solutions. Referring again to the 25 g/L H2SO4 condition (Figure 7-15) the terminal Fe(III)
concentration was approximately 0.6 g/L and the Fe(II) concentration approximately 1 g/L or
about 0.5 g (0.009 mol) of total Fe(II) in the 0.36 L volume. This yields a Fe(II) to Ti mol ratio of
approximately 44, which is not consistent with Fe(III) being reduced by the oxidation of Ti to
Ti(II), as discussed below.
Ma and Peres (1951) presumed that sulfuric acid attacks titanium by forming Ti[(SO 4)2+x] -2x ions
when solutions are 40 wt% or less in acid. Electrochemically, this would require titanium to be
oxidized to Ti(IV). However, this was not based on any experimental evidence, and work by
Armstrong et al. (1970) indicated that titanium is in the 3+ oxidation state when corroding in
sulfuric acid. It was demonstrated that the titanium corrosion products in the sulfuric acid solution
could be oxidized. This indicated that the corrosion product was in either the 2+ or 3+ oxidation
state. Furthermore, Armstrong et al. (1970) indicated that Ti(II) could be oxidized by water,
leaving 3+ as the only possible titanium oxidation state. As ferric iron is reduced to ferrous, one
electron is consumed, and as titanium is oxidized from the metallic state to Ti(III), three electrons
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are liberated. Hence, if all the ferric reduction was associated with the soluble titanium found in
solution, then the [Fe(II)]:[Ti] ratio should be equal to 3. The significance of the [Fe(II)]:[Ti] ratio
exceeding 3 is that all the ferrous iron that was generated could not solely be due to Ti 0 being
oxidized to Ti(III). There must be another oxidation reaction causing the ferric reduction reaction.
This second oxidation reaction is likely the formation of the oxide surface layer. The titanium is
initially oxidized to the 3+ state before being further oxidized and bound into the oxide layer.
However, titanium oxide surface characterization in sulfuric acid has shown that titanium exists in
a mixture of oxidation states within the oxide layer. Thomas and Nobe (1969) determined that the
passive oxide layer was a mixture of TiO2 and Ti2O3. Asami et al. (1993) concluded that Ti(II),
Ti(III), and Ti(IV) were all present in the oxide layer using X-ray photoelectron spectroscopy
(XPS). Taking this into account, the likely ferric iron reduction mechanism involves the oxidation
of metallic titanium to soluble Ti(III) sulfate complexes and Ti(III) and Ti(IV) oxides (See
Reactions 7-6 to Reaction 7-11). The standard equilibrium potentials, E

, of Reactions 7-7 to 7-

10 at 150°C were calculated and are presented. The required standard Gibb's free energies at 150°C
are available in the literature (Lee, 1981; Murray & Cubicciotti, 1983).
An [Fe(II)]:[Ti] ratio > 3 requires that the current that cannot be accounted for by the soluble Ti(III)
must be carried by the formation of either TiO2 and/or Ti2O3 (Reactions 7-9 and 7-10). The
combination of Reactions 7-7 (ferric reduction) and 7-8 (titanium oxidation) results in Reaction 711. The ΔG

of Reaction 7-11 is negative (−649.84 kJ) and therefore it is spontaneous. Similarly,

for a combined reaction of ferric reduction (Reaction 7-7) and titanium oxidation to a solid phase
(Reactions 7-9 and/or 7-10), the ΔG

values are also negative (-817.17 kJ and/or -1324.36 kJ)
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making these reactions thermodynamically feasible. The required standard Gibb's free energies at
150°C are available in the literature (Lee, 1981; Biernat and Robins, 1972)
,E

Fe(

)

+ e → Fe(

Ti(

)

+ 3e → Ti( ) , E

TiO

( )

+ 4H(

Ti O

( )

3Fe(

)

+ 6H(

)

)

= 0.99 V vs. SHE

7-6

= ̶ 1.25 V vs. SHE

7-8

+ 4e → Ti( ) + 2H O( ) , E

)

= ̶ 1.12 V vs. SHE

+ 6e → 2Ti( ) + 3H O( ) , E

+ Ti( ) → 3Fe(

)

+ Ti(

)

= ̶ 1.29 V vs. SHE

7-9
7-10
7-11

Ferric iron reduction clearly impacts the hematite solubility experiments presented here, and as
discussed below, especially at elevated initial acid concentrations (25 g/L). Therefore, this a
scientific limitation of the work presented here, in that solution chemistry was altered by the
apparatus. It is clear that due to Ti oxidation, this study combines results from the hydrolysis of
ferrihydrite and its dissolution induced by the catalytic action of aqueous Fe(II) discussed below
(see Section 7.2.2). However, it should be noted that the chemistry in medium-temperature
leaching is highly complex due to the presence of elemental sulfur, titanium surfaces, gangue
minerals, and sulfides. Thus, ferrous species are generated during CESL leaching in both batch
and continuous reactors. For example, CESL reports that the mean Fe(III):Fe(II) ratio in output
solutions from 77 batch leaching tests of enargite concentrates is 14.6 ± 9.1 with terminal ORP
values measured at 40°C of 744 ± 23.3 mV(SHE). Further, the standard ratio of Fe(III) to Fe(II)
210

in the output solutions from demonstration plant campaigns of enargite or chalcopyrite
concentrates is 80:20. Thus, the transformation of ferrihydrite formed under CESL conditions also
occurs in the presence of ferrous. As such, the data here is industrially relevant as it links the
oxidative condition prevailing during transformation to the nature of the precipitate, as discussed
further below.
The quantitative phase analysis of the transformed residue generated from the hematite solubility
experiments is presented in Table 7-4. All the residues were bright red indicating a transformation
from the original blackish-brown ferrihydrite. The phase analyses of the residues from the 5 ‒
15 g/L acid experiments show that, on average, 81% of the residues is crystalline hematite and
about 19% is X-ray amorphous. The X-ray amorphous phase may be ferrihydrite or poorly
crystalline hematite. The HaHC soluble fraction was about 11%, therefore the remaining 8%
(19−11 = 8) could be poorly crystalline hematite. It appears that for the test conditions studied,
100% hematite formation was not achieved. Javed and Asselin (2018) precipitated hematite using
ferric sulfate (Fe2(SO4)3) in sulfate-chloride solutions at 150°C in the presence of 0 ‒ 60 g/L Cu
(there was no precipitation at 0 g/L Cu). They found that for 30 g/L Cu at the end of 1 hour the
product contained about 86.6% hematite, 1.0% volaschioite (Fe4(SO4)O2(OH)6·2H2O) and ~12.4%
X-ray amorphous phase. Although it was reported that after 4 h the product was 100% hematite,
this is likely a simplification as most crystalline solids are not, in fact, 100% crystalline under Xray analysis. There is always some X-ray amorphous phase present. Therefore, the product formed
in the study of Javed and Asselin (2008), would almost certainly contain minor amounts of
ferrihydrite.
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The residue from the 25 g/L acid concentration in the current study contained about 11% goethite
at the end of 6 h. This was expected, as ferrous promotes goethite formation and the ORP
measurements showed more ferrous than ferric in the total dissolved iron at the 25 g/L initial acid
condition (Figure 7-15). The residue generated in the presence of Cu and Ni had a similar amount
of hematite.
Table 7-4: QXRPD of the residues from the ferrihydrite solubility experiments after 6 h in sulfatechloride solutions at 150°C (HaHC SD: 0.5%)

Phase

Initial acid concentration
0 g/L

5 g/L

10 g/L

10 g/L+Cu

10 g/L+Ni

15 g/L

*25 g/L

Hematite

80.3

82.9

81.9

80.1

79.0

81.9

70.8

Goethite

-

-

-

-

-

-

11.1

Quartz low

0.1

0.2

0.2

0.1

0.0

0.3

0.3

X- Ray
Amorphous

19.6

16.9

17.9

19.8

20.9

17.9

17.8

Total

100.0

100.0

100.0

100.0

100.0

100.0

100.0

10.6

10.4

10.0

89.4

89.6

*90.0

HaHC Treatment
HaHC Sol(wt%)
(ferrihydrite)

13.8

11.0

10.8

10.7

HaHC Insol(wt%)
86.2
89.0
89.2
89.3
(hematite)
*HaHC insoluble at 25 g/L is mixture of hematite and goethite

The phase analysis of the residue from 0 g/L acid in Table 7-4, shows that it is 80.3% hematite (Xray) and 86.2% (HaHC hematite), the difference being the poorly crystalline hematite. The amount
of Fe dissolved at 0 g/L acid was 0.03% or 3.02 mg/L from a total of 11.6 g/L Fe introduced as
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ferrihydrite, which is almost negligible (see Table 7-5). This is a compelling evidence that the
solid-state transformation mentioned above on Page 184 and in Section 2.7 does occur. The Fe
distribution present in transformed hematite was determined as follows: residue mass (8.35 g) and
crystalline hematite from QXRPD analysis of residue (80.3% from Table 7-4) was used to
calculate the amount of hematite in the residue (6 g Fe2O3). The stoichiometry of Fe in Fe2O3
(69.94%) was then used to calculate the amount of Fe in transformed hematite (4.41 g Fe). The
amount of Fe thus determined was termed ‘FeSolid-State Hematite’ in reference to its transformation to
hematite via solid-state transformation and was found to be 80.99% of the total Fe put in the system
(see Table 7-5).
The Fe in the ferrihydrite feed that remained untransformed, at 0 g/L acid, and carried on ‘as is’ to
the final residue, termed ‘FeFerrihydrite’ was found to be 11.52% (calculated from the HaHC soluble
amount). The poorly crystalline phase, that is not detected by X-ray analysis was calculated from
the difference between the HaHC insoluble phase and X-ray crystalline hematite (Table 7-4). The
Fe in this poorly crystalline phase is labelled as ‘Fe [Solid-State Hematite + precipitate]’ and was found to be
5.96% (see Table 7-5). Poorly crystalline phases result from both solid-state transformation and
dissolution-reprecipitation mechanisms for hematite formation. Poorly crystalline phases arising
from solid-state transformation are evident from the QXRPD analysis of the residue collected at
t = 0 (150°C) and 10 g/L acid. This residue was comprised of ~99.9% X-ray amorphous phase or
ferrihydrite (see Appendix D) while the HaHC treatment indicated the presence of 56.8 ± 0.5 wt%
of HaHC insoluble phase. This 56.8 ± 0.5 wt% of HaHC insoluble phase is the poorly crystalline
hematite (see Page 187), therefore it remained undetected by X-ray analysis. Poorly crystalline
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phases also result from dissolution-reprecipitation mechanisms. This is evident from the increase
in ‘Fe[Solid-State Hematite + precipitate]’ (see Table 7-5). As the acid concentration increases, ‘FeMaxDissolved’
and ‘FePrecipitated’ increases and contributes to ‘Fe[Solid-State Hematite + precipitate]’ of the poorly crystalline
fraction.
For all the acid concentrations studied here (0 – 25 g/L), solid-state transformation appears to have
been the most important mechanism. The literature is, however, scant with regards to this
transformation in acidic solutions at T > 100°C, but the existing studies indicate that solid-state
transformation is a slow process (see Section 2.7). Therefore, the complete solid-state
transformation of ferrihydrite to hematite may not be achieved in industrial time frames (CESL:
60 min). Since, this transformation may not complete, industrial leach residues are very likely to
contain ferrihydrite and poorly crystalline hematite (refer to Section 2.4; HaHC soluble phase in
Section 4.4). Reduction in the HaHC soluble phase can be achieved by employing higher acid
concentrations (see Section 6.3.1, Chapter 6). The higher acid concentrations result in dissolution
and reprecipitation of Fe as hematite. However, due to high supersaturation and insufficient time
for crystal growth in industrial processes dissolution and reprecipitation also contain poorly
crystalline hematite. Poorly crystalline hematite, although undesirable, does not result in as much
Cu loss compared to ferrihydrite, therefore high acid concentrations are recommended to achieve
a good compromise between poorly crystalline hematite and ferrihydrite in industrial processes.
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Table 7-5: Solid-state transformation of ferrihydrite (where percentages are with respect to the
total amount of Fe put into the system as ferrihydrite)

Initial acid concentration (g/L)

Fe (%)
a

FeMaxDissolved

h

0
0.03

5
1.38

10
6.33

15
11.22

20
27.48

25
39.02

b

FeEquilibirum

0.01

0.16

0.92

2.66

5.74

10.48

c

FePrecipitated

0.02

1.22

5.41

8.56

21.74

28.54

d

FeUndissolved

99.97

98.62

93.67

88.78

72.52

60.98

Distribution of Fe in various phases (%)
e

FeSolid-State Hematite
(crystalline)
f

FeFerrihydrite

80.99

79.89

75.89

71.92

-

62.69

11.52

9.43

9.17

8.63

-

0.08

5.95

6.31

7.49

7.72

-

*7.17

g

Fe[Solid-State Hematite + precipitate]
(poorly crystalline)

a

Maximum amount of Fe dissolved; bmaximum amount of dissolved Fe at t = 6 h; ccalculated by difference between
FeDissolved and FeEquilibrium; dcalculated from the difference between total Fe put into the system as ferrihydrite and
FeMaxDissolved ; ecalculated using mass balance, hematite stoichiometry and hematite percent in Table 7-4; fcalculated
from the difference between HaHC insoluble and hematite percent in Table 7-4 (*Fe in goethite was accounted for at
25 g/L acid); gcalculated from HaHC soluble phase. hdistribution of Fe in various phases was not calculated for 20
g/L, as QXRPD information for this residue was not available.

The final acid concentrations were determined by titration with sodium hydroxide using the MgEDTA method described above, and the initial and final acids are compared in Table 7-6.
Table 7-6: Comparison of initial and final molar acid equivalents for ferrihydrite solubility
solutions (error: ~ 2.0%)

Initial H+
(mol/L)

0.00

0.05

0.10

0.15

0.20

0.25

Final H+
(mol/L)

0.01

0.06

0.11

0.16

0.21

0.26
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As shown in Table 7-6, only a small amount of acid was generated. According to Reaction 2-17
(see Section 2.7), no acid should be generated through solid-state transformation.

5Fe2O3•9H2O(s) ↔ 5Fe2O3(s) + 9H2O(s)

From reaction 2-17

At room temperature, when 5 g ferrihydrite was added to DI water and a 12 g/L solution of Cl −
ions, the pH dropped right away from around pH 6 to pH 4. After 6 h of mixing the pH was stable
and remained at pH 4. The acidity of these solutions cannot be attributed to the Cl − ions because
these ions are weak bases. The acidity of these solutions must, therefore, result from the behavior
of the Fe3+, Cu2+, Ni2+ ions. However, the Fe3+, Cu2+, Ni2+ ions cannot be Bronsted acids by
themselves. They act as proton donors by influencing the ability of the neighboring water
molecules to release H+ ions. They do this by forming coordinate bonds with six water molecules
to form a complex ion. Water molecules bound to one of these metal ions are more acidic than
normal. Thus, reactions such as the following occur.

Fe(H2O)63+(aq) + H2O(l) ↔ Fe(H2O)5(OH)2+(aq) + H3O+(aq)

7-12

Reaction 7-12 gives rise to a net increase in the H3O+ ion concentration in these solutions, thereby
making the solutions more acidic.
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7.2.2

Fe(II) catalyzed transformation

The percentage of total dissolved iron that is in the form of ferric and ferrous ions was calculated
from ORP measurements and was plotted against acid concentration as shown in Figure 7-18. The
proportion of ferric decreases as the final acid concentration increases from 0 g/L to 20 g/L, where
the amount of ferrous iron in the solution increases. The ferric and ferrous curves intersect at the
acid concentration of ~20 g/L indicating that there is more ferrous in the system after this point.
The residue obtained at this condition has goethite as seen in the phase analysis by quantitative Xray diffraction (Table 7-4). The presence of ferrous ions in sampling solutions was confirmed by
titrations performed at CESL (as opposed to the ORP measurements used herein). However, the
time lapse between solution collection and the titration experiments (4 months) yielded different
results from the ORP calculations done here, which are based on ORP measurements on fresh
solutions. Nonetheless, the corrosion of the titanium internals is very plausible and is certainly a
limitation of this work in that the solubility results were clearly impacted.
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Figure 7-18: Percentage of ferric and ferrous iron relative to the total iron concentration at various
final acid concentration for hematite in sulfate-chloride solutions at 150°C

Goethite (FeOOH) precipitates instead of hematite if the ferric concentration has been minimized
by reduction to ferrous. In an environment low in ferric iron, goethite can precipitate directly from
ferrous iron. Goethite has been found to be present in CESL residues alongside hematite (see Table
4-3, Chapter 4). Industrially, goethite precipitation occurs from ferrous iron according to Reaction
7-13.
2FeSO4(aq) + 0.5O2(g) + 3H2O(l) → 2FeOOH(s)+2H2SO4(aq)

7-13

Schwertmann (1991), noted that Fe(II) catalyzes the dissolution of ferrihydrite. Bruyére and Blesa
(1985) also noticed that the dissolution rate of magnetite was enhanced with the similar
accelerating effect of added Fe(II). The transformation of various iron oxides in the presence of
Fe(II) has been reported by several authors (Hansel et al., 2003; Jeon et al., 2001; Jeon et al., 2003;
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Jolivet et al., 1992; Tamaura et al., 1983; Tronc et al., 1992). Hansel et al. (2003) found that in the
presence of Fe(II), ferrihydrite transformed into goethite, lepidocrocite, and magnetite. Tronc et
al. (1992) and Jolivet et al. (1992) studied the transformation of ferrihydrite at varying
Fe(II)/Fe(III) ratios of 0.0 ‒ 0.5 and 0.10 ‒ 0.50 in distilled water (pH 8) at 25°C and found that
for low Fe(II) concentrations, ferrihydrite transformed into goethite whereas at higher Fe(II)
concentrations magnetite was formed. Lepidocrocite was found to transform into magnetite in the
presence of Fe(II) (Tamaura et al., 1983; Jeon et al., 2001). Pedersen et al. (2015), studied the
transformation of iron oxides submerged in Fe(II) solutions (prepared by adding 0.0 – 1.0 mM
FeCl2 added to deionized water and pH adjusted to 6.5 with sodium bicarbonate) at 25°C and found
that ferrihydrite transformed completely into goethite, even at the lowest Fe(II) concentration. The
transformation was attributed to the catalytic action of Fe(II). This mechanism involves electron
exchange between the Fe(III) in the solid phase and an inner-sphere bound Fe(II) ion across the
edge of the outermost octahedron of the ferrihydrite surface through metal-metal bonding by
overlapping d-orbitals (Sherman, 1987). Another possible mechanism is the exchange of Fe(II) for
Fe(III) in the terminal octahedral positions similar to Fe(III) isotopic exchange described by Rea
et al. (1994). The electron from Fe(II) migrates through the crystal lattice of the ferrihydrite
according to spectroscopic evidence provided by Williams and Scherer (2004). The Fe(II)-O bond
is more labile (weaker) than the Fe(III)-O bond, and therefore, the presence of the extra electrons
in the crystal lattice decreases its stability. Ferrihydrite crystal lattice is broken down, and goethite
is precipitated. This explains the presence of goethite in the ferrihydrite solubility residues at acid
conditions where more iron was found dissolved as ferrous compared to ferric.
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7.3

Conclusions

The solubility of metastable ferrihydrite was measured in sulfate-chloride solutions in an autoclave
with an in-situ filtration system via solid-state transformation of ferrihydrite by internal
rearrangement, partial dissolution of ferrihydrite, and its subsequent re-precipitation as hematite.
The solid-state transformation of ferrihydrite to hematite was found to be the major mechanism at
all acid concentrations. As the acid concentration increased partial dissolution of ferrihydrite, and
its subsequent re-precipitation as hematite occurred. The dissolution of ferrihydrite increased with
increasing acid concentration or decreasing pH. It was also found that the addition of Cu and Ni
both reduce the solubility of ferrihydrite; this is attributed to lower ‘at temperature’ acidity. The
total iron was found by chemical analysis, and the ferric-ferrous ratio was calculated by a novel
equation developed at UBC. The ferrous concentrations were likely the result of titanium
corrosion, which would have been higher at higher initial acid concentrations. Thus, it was found
that the ferric concentration was greater than ferrous for all cases but at the highest acid
concentration (25 g/L). The quantitative phase analysis of the residues showed that the presence
of more ferrous iron compared to ferric ion results in precipitation of goethite along with hematite.
Approximately 89.5% of the residue was hematite when the final dissolved ferric concentration
was higher than the ferrous concentration (see Table 7-4). These results indicate that if ferrihydrite
is formed in the CESL process, operating at 60 min retention time, most, but not all, of this
ferrihydrite (about 82.5%, see Page 186) will eventually transform to hematite or dissolve and reprecipitate as hematite or goethite. However, the prevailing oxidative condition, probably dictated
by the extent of sulfide oxidation, and measured via the ferric to ferrous ratio, plays an important
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role in the formation of the final precipitates. This accounts for the variability in precipitates and
the remaining amorphous phases found in Chapters 4 and 6.
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CHAPTER 8: CONCLUSIONS AND RECOMMENDATIONS
8.1

Conclusions

A detailed conclusion is presented at the end of each chapter. In this chapter, extended conclusions
of the thesis research on iron and sulfur control in the leaching of sulfide concentrates are
summarized, and suggestions are made for future work.
The work in this thesis can be summarized in four general areas as follows:


Analysis of the leach residue from CESL and Vale processes. Evaluation of the crystallinity
of iron phases in leach residue and quantification of the loss of metals associated with the iron
phases.



Leaching of sulfide concentrates targeting the precipitation of crystalline hematite in the leach
residue by supersaturation control



Novel reagent(s) for iron and sulfur control in the leaching of sulfide concentrates.



The solubility of metastable ferrihydrite under CESL conditions at 150°C.

8.1.1


Analysis of the leach residue from CESL and Vale processes

Chemical analysis of the filtrates from sequential extraction revealed that HaHC soluble
phases were the major source of copper and nickel loss to the residue. HaHC soluble phases
contained 2–4 times more Cu/Ni than the crystalline iron oxide phases.



The HaHC soluble phases were positively identified to be ferrihydrite by transmission electron
microscopy. Mössbauer spectroscopy identified poorly crystalline hematite and some form of
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poorly crystalline jarosite resembling the copper doped synthetic jarosite in the leach residue
samples.


A hydrometallurgical process for copper and nickel sulfide leaching which produces the
minimum amount of HaHC soluble phases would lead to the minimum loss of copper/nickel
to the residue.



In a continuous industrial process setting, HaHC treatment of residues may be practiced as a
standard to determine the quality of iron phases in leach residue on a regular basis.

8.1.2


Leaching of sulfide concentrates

The degree of crystallinity in iron residues generated during the leaching of sulfide
concentrates under CESL conditions at 150°C with chloride catalyst, and sulfuric acid
lixiviant was achieved by optimum acid concentration and the addition of various seed.



Higher acid concentration (~35 g/L) produced residues with lower HaHC numbers and
reduced the loss of Cu and Ni to the residue, thereby improving the extractions. The final acid
concentration was found to be an important factor in the precipitation of hematite.



The addition of various types of seed also reduced the HaHC numbers. Seeding is useful
because it reduces the degree of supersaturation. The best results were achieved with the
addition of synthetic hematite seed.



In a continuous industrial operation, optimum control of acid concentration and the addition
of seed should be practiced for generating better residues and reducing loss metals to the
residue.
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8.1.3


Novel reagent(s) for iron and sulfur control

A class of novel additives that outperform the conventional OPD and lignosol surfactants were
discovered. These additives have iron complexation, sulfur dispersion, and sulfur
modification properties.



The iron complexing properties of the new additives (benzene sulfonic acid, phenyl
phosphonic acid) also achieve the preferential formation of hematite and better residues with
lower HaHC numbers.



These additives assist in sulfur dispersion and coagulate sulfur in the form of chunks or prills
which are then easy to separate from the iron residues.



The additives result in enhanced recovery of copper from sulfide concentrates. The additives
are able to leach the concentrates of P80:75 µm (Teck’s CESL process generally use feed solids
of P80:20 µm). The additives may reduce the oxidation of pyrite, which could offer the ability
to tune the reaction process for one mineral over another.

8.1.4


Solubility of metastable ferrihydrite under CESL conditions at 150°C

The ferrihydrite formed in the CESL process will eventually transform to hematite by a mix
of solid-state transformation, dissolution and reprecipitation.



The solid-state transformation of ferrihydrite to hematite was found to be the major
mechanism at all acid concentrations, but it is reduced at high acid conentrations ( > 25 g/L).
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This transformation was not complete within the time (60 min) that is normally used in CESL
conditions. This means that if ferrihydrite phases are formed, they will persist in CESL
residues and will result in associated metal loss (Chapter 4).



To avoid goethite formation care should be taken to keep the conditions sufficiently oxidizing
to avoid the formation of ferrous iron. Sufficiently oxidizing conditions are not typically
achieved in CESL leaching.



An expedited way of determining the ratio of ferric and ferrous in an industrial setting is to
employ the equation developed by a co-worker in the Asselin group and used in this study to
infer the ferrous to ferric ratio using the measured ORP values.

8.2


Recommendations for future work
Characterization of iron phases in leach residues using QXRPD is relatively straightforward:
patterns can be easily matched, indexed and attributed to appropriate phases quantitatively
using Rietveld refinement. X-ray amorphous and poorly crystalline iron phases in admixtures
can also be quantified using the sequential extraction procedure. However sequential
extraction is time consuming and obtaining reproducibility during repeats requires a lot of
practice. Characterization of leach residues can be further extended to include X-ray
absorption fine spectroscopy (EXAFS), X-ray absorption near edge structure (XANES) and
synchrotron-based radiation techniques such as X-ray absorption spectroscopy (XAS).
Analysis by synchrotron diffraction increases the speed of data collection significantly. The
higher energies provided by the synchrotron beam make in-situ studies of solids in solution
and phase transformation at temperature possible. Examples of these include: characterization
225

of the colloidal iron phase documented to occur in the Bayer process (Basu et al., 1986),
investigations of chalcopyrite dissolution (Majuste et al., 2013) and dissolution mechanisms
involving hematite (McBriarty et al., 2019).


The temperature (159°C), where the viscosity of liquid sulfur is the lowest changes upon
addition of various reagents to sulfur. Doi (1965), studied the effect of different types of
reagents on the viscosity of sulfur in the temperature range of 120 to 200°C. The viscosity
was measured using an Ostwald viscometer dipped in a glycerin bath. The impact of the new
reagents, used in this study, on the viscosity of sulfur should be examined. Commercially
available Anton-Paar modular rheometers that measure the viscosity of aqueous system and
slurries and operate at high temperatures and pressures may be used. An example of this is
determination of rheometric properties of pure liquid elemental sulfur by Sofekun et al.
(2018).



The use of novel reagents should be extended to study copper-arsenic concentrates or enargite
concentrates. Enargite is refractory and very difficult to leach as compared to chalcopyrite. It
is known that arsenic increases the viscosity of sulfur. The effect of novel reagents used in
this study on the viscosity of sulfur in the presence of arsenic needs to be investigated, and
efforts should continue to develop a unique combination of reagents to achieve this goal.



The use of novel reagents used in this study should be investigated in the absence of chloride.
It is known that chloride is corrosive and increases the cost of materials of construction for
the autoclave. Chloride complexes with iron and helps form hematite, it also affects sulfur
viscosity (Defreyne and Cabral, 2009; Riveros and Dutrizac, 1997). The novel reagents in this

226

study also exhibit similar effects on both iron and sulfur, therefore, it may be possible to
eliminate or reduce the amount of chloride used in the process and this should be examined.
However, the effect of chloride concentration reduction on the kinetics of the process, vis-àvis its role in the Cu(II)/Cu(I) couple may limit the usefulness of this approach.


The use of novel reagents should be extended to study a wider range of temperatures. As some
reagents delay the rise in sulfur viscosity to higher temperatures, leaching at more elevated
temperatures may become possible. Perhaps by leaching at higher temperatures, while keeping
the viscosity at a minimum in the presence of these novel reagents, better extractions may be
achieved with refractory concentrates containing arsenic.



Although there was an industrial relevance to the ferrihydrite solubility experiments
performed here in that ferrous is always present in the CESL process, these experiments
should be duplicated using an agitator shaft, impeller, and filter made of materials such as
PTFE to prevent ferric reduction to ferrous.



The solid-state transformation of ferrihydrite to hematite was found to be the major
mechanism in ferrihydrite solubility experiments. This is an important new finding and must
be extended to include detailed kinetic studies in sulfate-only, chloride-only and sulfatechloride systems. A wide range of temperatures (25-225°C) and longer time frames must be
studied. In situ synchrotron analysis as mentioned earlier in this sub-section should be
employed.
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Appendices
Appendix A: Multi-acid digestion procedure
Equipment and acids required:
1. Analytical balance (0.0001 g precision)
2. Weigh-boat and spatula
3. 250 ml Teflon beakers and Teflon watch glasses
4. 100 ml volumetric flasks and rubber stoppers
5. Hotplate
6. Perchloric acid fume hood
7. Glass test tubes and test tube racks
8. Plastic funnel
9. Concentrated Hydrochloric acid (HCl) – ACS grade
10. Concentrated Nitric acid (HNO3) - ACS grade
11. Concentrated perchloric acid (HClO4) - ACS grade
12. Concentrated hydrofluoric acid (HF) - ACS grade
13. De-ionized distilled Water

Digestion test procedure:

1. Collect and label required Teflon beakers
2. Plug in the hot plate and set the dial setting at medium-high (~ 3.5) heat
3. Pre-heat the hotplate for about 15 minutes
4. Using an analytical balance weigh 0.20-0.50g (depending on concentration) of sample
and/or standard
5. Record the mass to 4 decimal places
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6. Add sample into 250 ml Teflon beakers
7. Turn on scrubber, ensure the perchloric acid fume hood air flow is in the proper range
8. Add 10 ml HCl and digest covered for 5 minutes, take off hot plate and cool down.
9. Rinse sides of the beaker with de-ionized distilled water
10. Add 10 ml HNO3, 10 ml HClO4 and 2 ml HF into Teflon beaker in order and digest covered
with Teflon watch glass for 30 minutes.
11. Remove cover and rinse with de-ionized distilled water and boil down to low volume (~
5ml) with thick fumes of HClO4 evolving
12. Remove beaker off the hot plate and cool for 15 minutes
13. Add 3 ml HCl and 10 ml HNO3 into the Teflon beaker
14. Cover with a Teflon watch glass and digest until the brown fumes disappear (~15 min)
15. Cool sample slightly and add ~ 30-40 ml of de-ionized distilled water
16. Boil for an additional 15 minutes.
17. Remove the beaker off the hot plate and cool to room temperature
18. Turn off scrubber
19. Transfer the solutions to 100 ml volumetric flasks quantitatively using de-ionized distilled
water and a plastic funnel
20. Dilute to the mark with de-ionized distilled water, plug stopper and shake well
21. Transfer solution into labeled test tubes
22. Submit samples for analysis to ICP technician
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Appendix B: X-Ray amorphous determination scheme

h = hx + h y + h z
Concentration of “X” =
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Concentration of “C” =
>5 >50 >30 >100

.

.

.

= 10%

 5 – Cry X
 50 – Cry Y
 30 – Cry Z
15% Amorphous + 10% C

Concentration of “C” =
ℎ = 10%
ℎ = 15%
ℎ + ℎ + ℎ = 85%
Concentration of (x + y + z) =

= 85%
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Concentration of “C” =

= 15%

However, in reality, the concentration of “C” is 10%. Therefore, assuming that the amorphous
material was crystalline and had given a peak of height ℎ :
The concentration of “C” =

(

)

= 10%

ℎ = 0.15 (ℎ + ℎ + ℎ + ℎ )
ℎ = 0.10 (ℎ + ℎ + ℎ + ℎ + ℎ )
0.15 (ℎ + ℎ + ℎ + ℎ ) = 0.10 (ℎ + ℎ + ℎ + ℎ + ℎ )
0.15 (ℎ + ℎ + ℎ + ℎ ) = 0.1 ℎ

ℎ =

0.05
(ℎ + ℎ + ℎ + ℎ )
0.1

The concentration “A” =
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Appendix C: Calculations for HaHC soluble and Cu extraction
The HaHC Soluble phase in Table 6.4 is calculated by summing the individual results and dividing this
sum by the number of repeats (8 times)
Repeat no.

HaHC Soluble (wt%)
Test 3
Test 4

Test 1

Test 2

Test 5

Test 6

1

16.6

16.2

15.5

14.8

14.6

13.4

2

16.1

15.3

15.6

14.2

14.0

12.8

3

17.1

16.5

15.9

14.4

14.2

13.8

4

16.7

15.7

15.8

15.2

15.0

12.9

5

17.1

16.3

14.7

15.0

14.8

13.2

6

17.1

16.1

15.6

14.6

14.6

13.8

7

16.1

16.0

15.4

15.4

15.2

13.6

8

16.2

16.2

15.5

14.8

14.6

13.4

Average
HaHC

16.6

16.0

15.5

14.8

14.6

13.4

Std Dev.

0.5

0.4

0.4

0..4

0.4

0.4

R. Std Dev.

3.0

2.6

2.6

2.9

2.9

3.1

The relative standard deviation (R. Std. Dev.) is expressed in percent and is obtained by multiplying the standard
deviation by 100 and dividing this product by the average. R. Std. Dev. = 100 * (Std Dev.) / (Average)
The Cu extraction Table 6-4 is calculated by summing the individual results and dividing this sum by the
number of repeats (3 times)
Cu Extn (%)
Repeat no

Test 1

Test 2

Test 3

Test 4

Test 5

Test 6

1

97.52

98.12

98.19

98.37

98.50

98.48

2

97.48

98.08

98.18

98.42

98.48

98.48

3

97.52

98.12

98.22

98.38

98.52

98.51

Average
Cu extn.

97.52

98.11

98.20

98.39

98.50

98.49

Std Dev.

0.02

0.02

0.02

0.03

0.02

0.02

R. Std Dev.

0.02

0.02

0.02

0.03

0.02

0.02
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Appendix D: X-Ray spectrum of ferrihydrite

Figure D1: X-ray spectrum of 2 line-ferrihydrite (Fh) residue collected at t = 0, T = 150°C
from a 10 g/L sulfuric acid – 12 g/L chloride solution
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Appendix E: Ferrihydrite solubility
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