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ABSTRACT 

The safe disposal of arsenic-coiitaining waste has been a difficult problem for the 

mining and metallurgical industry. One of the solutions to the arsenic problem is the 

precipitation of scorodite, an arsenic-containing mineral. Scorodite is reported to be 

relatively stable over a wide range of pH. and therefore may be a preferred disposal 

option. The effect of organic complexing agents on scorodite stability, however, is 

largely unknown. 

The present study is a phenomenological investigation into the dissolution 

kinetics of scorodite in the presence of oxalic acid under varying conditions of pH. oxalic 

acid concentration and temperature. The effect of scorodite particle size was also 

investigated. The morphological changes accompanying the dissolution process were 

examined by SEM and TEM analyses. 

Dissolution curves were divided into a linear induction period and a post-

induction period. Activation energies were determined. Complete dissolution data were 

5t to the Prout-Tompkins/Austin-Rickett model. Dissolution data are indicative of auto-

accelerated processes. The rapid increase in dissolution rate following the induction 

period is believed to be associated with an increase in the effective surface area. Pitting 

was observed on the surface of scorodite in the early stages of dissolution. In the later 

stages of dissolution, these pits were observed to grow and coalesce, in many cases 

resulting in the formation of dissolution holes. 
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CHAPTER I 

INTRODUCTION 

Arsenic has attracted a great deal of attention for a long tin^e due to the 

environmental and health risks associated with it. Arsenic has been classified as a 

carcinogen and is known to cause cancer of skin, kidney, liver and bladder<'l Arsenic is 

also known to cause vascular, hepatic and neurological abnormalities*-*. It has been 

established that chronic low-grade arsenic consumption can also lead to a number of 

health problems partly due to its ability to replace phosphate in biochemical reactions*-

••I The numerous health problems associated with arsenic consumption has led the EPA 

to consider lowering the minimal level of arsenic allowed in drinking water. 

.Arsenic-containing wastes are encountered at various points in many 

metallurgical and mining operations. The toxic nature of arsenic reqm'res that such wastes 

be stabilized to prevent both short and long term environmental problems. The 

precipitation of crystalline ferric arsenate, also known as scorodite. is a promising 

solution to the arsenic problem. Experimental data suggest that scorodite is stable in 

aqueous solutions over a wide range of pH. The stability of scorodite has been tested by 

several researchers*'- In these studies, dissolution data were collected in pH 

adjusted aqueous solutions over extended periods of time under various conditions. 

The dissolution of scorodite in organic acids, however, has not been investigated. 

Organic acids participate in soil formation, surface weathering, subsurface (i.e.. 

uiiucrgrouuu) pOiuSi^' gcQcfaliOu iu tOCks, oEiu Ore fbtmSuOu. Tuc CatuOJCyhc gfOup 



(-COOH) is most commonly responsible for acidity and complexation in naturally 

occurring organic acids. In aqueous solution, the carboxylic group releases a proton 

between pH 3 and 10. Natural and subsurface waters have pH values in this range, and 

these carboxylic acids may occur in significant concentration as both protonated acid or 

de-protonated anions. 

In this research we attempt to understand the dissolution of scorodite in 

representative low molecular mass organic acids - oxalic acid and citric acid. For 

comparison purposes, the dissolution of scorodite in hydrochloric acid is also 

investigated. The effect of scorodite particle type on scorodite dissolution in oxalic acid 

has also been investigated. The morphology evolution during dissolution in oxalic acid 

has been examined by using electron microscopy. 

1.1 Statement of Research 

Several studies have determined that scorodite is fairly stable for long periods of 

time in a wide range of pH in aqueous solutions. A usefiil understanding of the stability 

of scorodite should include information relating to its dissolution behavior in organic 

acids. This research represents progress toward understanding the effect of naturally 

occurring organic acids on scorodite dissolution. 

This dissertation investigates the following topics: 

• Dissolution behavior of scorodite in oxalic acid under a variety of conditions 

/•-.rr icuipciaLuiw cuivi 
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• Dissolution behavior of scorodite in oxalic acid in relation to that in citric acid 

and hydrochloric acid. 

• Morphological changes accompanying the dissolution of scorodite in oxalic 

acid. 

• Nattire of the physical process underlying the dissolution of scorodite in oxalic 

acid. 
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CHAPTER! 

LITERATURE REVEW 

The deadly properties of arsenic have been the subject of science and literature 

since the Middle Ages. The primary focus today relates, however, to contamination of 

soil and ground water by arsem'c-containing waste. .Arsenic-containing toxic compounds 

occur namrally and are widely distributed. Small amounts of arsenic are always present 

in soil, varying between 2 and 5 ppm on average''- '3'. while ground water contains 

arsenic in the 0.08-22 ppb range<'3). Arsem'c is commonly associated with non-ferrous 

ores and needs to be stabilized after the desired metal is extracted. .Ajsenic stabilization 

is complex and difficult because of its high mobilitv' in nature: it can. therefore be 

released into ground water namrally or due to human activity. The toxicity and mobility 

of arsenic have given rise to strict legislation for disposal of arsenic containing waste. 

All these factors make arsenic an important subject of smdy. 

2.1 Arsenic and Health 

The toxicity of an arsenic-containing compound depends on the form of arsenic in 

die compound. The most toxic form is arsine (AsHs) gas. Immediate death occurs on 

exposure to 150 ppm. It has also been established that the trivalent form of arsenic is 

more toxic than the pentavalent form and in general, inorganic forms of arsenic are more 



18 

toxic than the organic formsf- In human beings, a dose of 200 to 300 mg of 

inorganic arsenic has been reported to be fatal to human beings' 

There is little understanding of the biological mechanism of toxicity in humans. 

Epidemiological smdies of arsenic in drinking water suggest that it can cause skin, liver, 

kidney and bladder cancer<". while inhalation of arsenic is linked to lung cancer<'^. The 

International .Agency for Research on Cancer (lARC) and the Environmental Protection 

Agency (EPA) have, in fact, classified arsenic as a carcinogen' 

Human and animal evidence suggests that methylation in the body can decrease 

the toxicity of small doses of ingested inorganic arsenic"- thereby reducing 

cancer risks. Studies have also indicated that arsenic is an essential nutrient for many 

animal species'-''^ .A possible human arsenic nutritional requirement of 12 ng/day has 

been extrapolated from these studies. It should be noted that EPA'~ concluded that 

attributing a prominent role to the essentiality of arsenic in human nutrition in evaluating 

health risks is unfounded as a consequence of lack of convincing evidence in himians. 

2.2 Arsenic Chemistry 

Arsenic can exist in nature in four oxidation states. (-3), (0), (+3) and (-r-5). .As a 

result of midtiple oxidation states, it combines with other elements to form over 300 

minerals'In addition, trace amounts are known to occur in a number of sulfides, 

sulfosalts and secondary oxidation minerals (formed as a result of geochemical 

reactions)'"'- Arsenic is fairly mobile in the environment due to its complex chemistry in 
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aqueous systems. In addition to exhibiting a variety valence states, it occurs in both 

organic and inorganic compounds. The oxidation state of arsenic changes easily and 

reversibly with redox potentials. Oxidation-reduction reactions, ligand exchange, 

precipitation and adsorption reactions along with methylation processes in living 

organisms constitute the natural arsenic cycle. In nature, arsenic is cycled globally from 

landmasses to the oceans by weathering, solubilization, bacterial action, transport of 

sediment and volcanic activity<--*K 

The behavior of arsemc containing species can be understood to some extent by 

looking at the speciation of arsenic under varying Eh and pH. Several authors have 

compiled thermodynamic data on arsenic speciation. Figure 2.1 shows the speciation of 

arsenic under varying Eh (thermodynamic redox potential) and pH conditions in the 

presence of o.xygen. water and sulfur*^'^'. The domains of each species are defined by 

solid lines. 

Arsine forms at very low Eh values. Arsenic appears as realgar (AsS) and 

orpiment (AsjSs) at pH below 5.5 and Eh values of approximately 0 V, suggesting that 

arsenic sulfides form in the presence of dissolved sulfide. These reactions become 

significant in anoxic water systems where bacterial action converts SO4"" to S"'. 

Arsenious acid species (H3ASO3,, H2ASO3", and HAsOa'") dominate under mildly 

reducing conditions. The acid dissociation constant for arsemous acid is 6x10'"'. 

H3 AsO J—tT" H2ASO3 pBCa=9.2 (2.1) 
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Arsenic acid species- H3ASO4, H2ASO4*, H3As04""and As04''' are stable in the 

oxidizing region of the Eh-pH diagram. The successive pKa values (25 °C) of arsenic 

acid are 2.2,6.9 and 11.5. 

H3ASO4 = tr + H2AS04* K:,=6.3X10-' (2.2) 

H2As04*=Fr+HAs04-" K2=l.3xl0-' (2.3) 

H2As04-'=Fr^As04'' K;2=1.3x10*' (2.4) 

The speciation diagram (shown in Fig. 2.1) is useful in understanding the behavior of 

arsenic in simple systems. It cannot, however, be used completely to predict the behavior 

of arsenic in complex situations encountered in the field. Thermodynamically predicted 

ratios of As(lir) and As(V) are rarely observed in real systems. Besides ambient Eh and 

pH values, the ratio of As^/As'^ is governed by factors such as biologically mediated 

redox reactions, organic arsenicals. availability of solid surfaces (sorption reactions) and 

presence of other ionst-®\ For example, a ratio of AS'7AS''" 10'"-10~® in sea water has 

been calculated based on the p£ valuest-'^. The real values, however, va,y between 0.1 

and 250 because of algal and bacterial transformations*-®^ Many other studies 

demonstrate the disconnect between the Eh-pH diagram and data collected in the field. 

Korte and Femando*-^^ have stated that the assximption of equilibrium in low temperature 

natural systems in the presence of these factors is also an oversimplification. Crecelius et 
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have suggested that As^"^ and As^" exist in a steady state rather than in a 

thermodynamic equilibrium. 

Microbes play an important role in determining the species of arsenic present in 

natural systems and thus in global cycling of arsenic. Microorganisms are known to 

mediate die oxidation of arsenite to arsenate and reduction of arsenate to arsenite. Wakao 

et alt^"^ report such a transformation of arsenite in acid mine drainage waters . Philips 

and Taylor present similar results<^^>. The oxidation of arsenopyrite. enargite and 

orpiment'^-^ have shown to be accelerated by Thiobacilliis-Ferrobacillus. Thermophilic 

bacteria Sulfolobus is known to release arsenic form gold-bearing arsenical concentrates. 

Figure 2.2 shows the biological cycle of arsenic as described by Wood'^^V 

The availability of arsenic in natural systems is sigm'ficantly affected by sorption 

and desorption processes. Reaction conditions determine the mecham'sm of the sorption 

reaction, which may be caused by electrostatic interaction, ion exchange, covalent 

bonding, induced polarization, or Van der Waals forces. Soils, sediments and clays take 

up arsenic from solution'^-*- The e.xtent of sorption depends on die solution 

conditions and composition of the sorbents. The sorption processes are explained in 

detail in a later section. The stability of the arsenic-solid entity depends on die ambient 

(prevalent) solution conditions and other factors such as presence of foreign ions. For 

example. arsenic may dissociate from the 
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solid and migrate by chelating with naturally occurring orgam'c ligands in the 

environment 

2.3 Sources of arsenic coatamination 

The toxic and highly mobile nature of arsenic can threaten local aquifers. The 

arsenic contamination of ground water may occur due to natiuul or anthropogenic 

sources. Global emissionstJ^' of arsenic from the smelting of metals, burning of coal, and 

industrial uses have been estimated to be in the range of 24.000-124.000 mt/year. In 

comparison, natural sources are known to release 2.800-8,000 mt/year. It should be 

noted that mining and industrial releases of arsenic are roughly ten times greater than 

natural releases. 

A well-known example of the release of arsem'c into ground water from natural 

sources is in parts of Bangladesh and West Bengal in India'^'- The alluvial Ganges 

aquifers supplying drinking water are polluted with naturally occurring arsem'c. adversely 

affecting the health of reportedly 40 million people. In terms of the population exposed, 

it is the most serious groundwater arsenic problem in the world. The arsenic is geological 

in origin and the problem has not been apparent until now because it is only in the last 

20-30 years that ground water has been extensively used for drinking in the rural areas. 

Arsenic is released in to the environment from many sources of human activity. 

Arsenic containing compounds like lead arsenate and Paris green (copper acetoarsenite) 

were widely used as insecticides and herbicides<^^' resulting in surtace contamination. 
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The use of most inorganic arsenical chemicals has since declined due to the 

environmental regulations imposed by the EPA. 

Arsenic is used for wood preservation mostly as chromated copper arsenate 

(CCA), the use of which has grown rapidly since 1975. The use of arsenic in CCA wood 

has become the most important application of arsem'c. accounting for approximately 80% 

of U.S demand(J®>. 

Arsenic is used in glass manufacturing for increased clarity, for making non-

ferrous alloys, and in the semi-conductor industry . It also represents a large portion of 

the carcinogenic potential in coal fly ash. The largest man made source of arsem'c 

contamination, however, is mining. .Ajrsenic is a key contaminant at abandoned mining, 

milling and smelting sites^-"'. 

2.3.1 .Arsenic in Metallurgical Operations 

.Arsenic is commonly associated with various non-ferrous ores and sulfide 

deposits<'2l As ore grades decline, the quantity of impurities like arsenic have a tendency 

of increasing in the ore body. This makes treatment of arsenic fairly important in mining 

and metallurgical operations. Arsem'c is liberated during mining of copper, lead, zinc and 

gold. During the process of concentration, some arsem'c is rejected into the tailings, 

where previously stabilized and boirad forms of arsenic may then mobilize due to 

processes such as oxidation and biologically mediated reactions. 
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Some arsenic may escape during roasting and smelting of copper. lead and zinc 

ores and concentrates, which is carried out at temperature above 700 °C. The volatized 

arsenic is captured as flue dust by bag filtration or electrostatic precipitators. Arsenic is 

present mostly as AS1O3, widi small amounts of AS2O5 and AS2S3. The dusts may also 

contain other impurities like minor amounts of bismuth, thallium, antimony, selenium, 

and mercury. The tlue dust may be recycled into the smelter to recover the base metals. 

This results in increased amount of arsenic and other impurities in the metal, which are 

removed in subsequent refining steps. 

In pyrometallurgical operations small amounts of arsenic may be entrapped in 

slag. .Arsenic containment in slag has also been looked at as a disposal option<''-' and it 

has been determined that slags have very low solubility with respect to the contained 

arsenic. There are. however, concerns regarding the release of arsenic due to de

vitrification or mechanical breakdown of the solid or over time. 

During the electrorefining stage, the dissolved arsemc is released into the refinery 

electrolyte upon dissolution of the metal anode. The concenuration of arsenic and odier 

impurities are kept at acceptable levels by bleeding some of the electrolyte out and 

adding clean electrolyte. Bleed streams containing high levels of arsenic and other 

impurities must be treated before disposal. 

The major source of domestic arsemc emissions in 1989 was from the copper processing 

industry. The materials flow of arsemc during copper processing was estimated by 

Loebenstein^^s) is presented in Fig. 2.3. Calculations used for the arsenic flow were 

based on the assumption that there is approximately 6.5 kg of arsenic per metric ton of 
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copper. It is estimated that approximately 7,800 mt/year of arsenic was discarded in 

leach dumps, tailings, and slag while 800 mt/year was released into the atmosphere. 

2.4 EPA and Arsenic 

2.4.1 Drinking Water 

EPA set the drinking water standard for arsemc at 50 ng/L in 1976. EPA has 

proposed setting the MCL (Maximum Contaminant Limit) at 5 EPA is also 

proposing a public health goal of zero for arsenic. The health goal is the level below 

which no known or anticipated health effects would occur for all known carcinogens for 

which there is no dose considered safe. 

2A2 Inorgam'c Arsenicals 

Prior to the development of synthetic pesticides in the 1940s, inorganic arsenical 

compounds (lead arsenate and copper acetate arsenate) were widely used in agriculture. 

The use of inorganic arsenic has since been restricted and regulated by the EPA under 

provisions of a federal act'-'^l Arsenic, however, is still used in the preservation of wood. 

2.4.3 Industry Standard 

The Hazardous and Solid Waste Amendments (HSWA) enacted in 1984 prohibit the land 

disposal of hazardous wastes until it has been demonstrated to the EPA. to a reasonable 
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Figure 2.3 Flow of arsenic in U.S copper processing, 1989, in metric tons*^®>. 



29 

degree of certainty, that there will be no migration of hazardous constituents from the 

disposal unit or injection zone for as long as the waste remains haiardoiis^^^\ 

The solubility of the waste is tested by Method 1311, also known as the toxicity 

characterization leach procedure (TCLP). The underlying objective of the procedure is to 

simulate the conditions that may be present in a landfill where water may pass through 

the landfilled waste and travel on into the groundwater carrying soluble, toxic materials 

with it. 

The test involves agitating solid particles of approximately Imiti diameter in a 

solid: liquid ratio of 1:20 in a buffered acetate solution at a pH of 4.93 for 18-24 hours. 

EPA has promulgated a treatment standard of 5 mg/L for arsenic in industrial 

wastewaters. These apply to orgamc as well as inorganic analytes. 

2.5 Common Methods of Stabilization 

2.5.1 Ca-As04 system 

It has been a common practice to precipitate arsem'c from effluents and process 

solutions as insoluble metal arsenates, which are subsequently stored in tailings ponds, 

residue dumps, and underground storage areas. The basis for storage of arsenic as metal 

arsenates was their supposed low solubility. This belief has propagated from work done 

by Chukalantsev^''®' in Russia in 1956. He reported the solubilities of seventeen metal 

arsenates. Metal ion solubility was determined by measuring the metal ion concentration 

only, a technique that may give incorrect data at higher pfT values. At these pH values. 
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the metal ion may tie up with hydroxide ion to form metal hydroxide, thereby decreasing 

the concentration of the metal ion in the solution. 

Also, the general linear relationship between log solubility and pH has been used 

to extrapolate the stability of metal arsenates to higher values, overall indicating fairly 

low solubility for some metal arsenates. 

Lime has been commonly used to precipitate arsenic out of waste solutions in the 

past. It has been established, however, that the solubility of the precipitated calcium 

arsenate increases significantiy in the presence of COi. Robins and Tozawa 

concluded diat atmospheric COi enhances the solubility of calcium arsenate due to the 

formation of calcium carbonate. In the "calcium-arsenate-air-water" system, the COi 

depresses the pH of the basic calcium arsenate slurry to 8.3 resulting in the 

decomposition of calcium arsenate according to the following reacuon. releasing arsenic: 

Ca3(As04)2 + 3 HCOj- = 3 CaCOj 2 HAs04-" (2.5) 

It has also been shown that the solubility of barium arsenate, magnesium arsenate 

and strontium arsenate is similarly affected by atmospheric COi. 

2.5.2 Adsorption 

Adsorption processes are understood via adsorption isotherms, kinetic data and 

spectroscopic studies which reveal the nature of relationship between adsorbent and 

adsorbate. 
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The adsorption capability of a solid is determined by measuring the amount of 

adsorbate taken up per unit weight or area of the solid vs. the equilibrium concentration 

in the solution phase. Other solution factors such as pH, temperature, and electrolyte 

concentration are held constant. The data is plotted as an adsorption isotherm and fitted to 

a model. Information such as binding constants, adsorption ma.Kima and speciation of 

surface complexes, among other parameters may be inferred from the model. Kinetic 

data may also be obtained to determine the rate at which adsorption occurs. 

.An important focus of adsorption studies is the understanding of the structural 

relationship between the adsorbent and adsorbate to distinguish between adsorption and 

surface precipitauon. Precipitation involves formation of a solid phase with a repeated 

three dimensional arrangement of molecular units while adsorption is the acciraiulation of 

solute species on the surface of solute species on the surface of a solid phase without such 

an arrangement. Absorption is the diffusion of solute species into a solid phase. In the 

absence of a known specific mecham'sm, the general term sorption can be used. 

Spectroscopic investigations are most reliable experimental method for 

investigating the interfacial region. Some of the surface specific spectroscopic 

techniques used to investigate adsorption are IR, XPS and EXAFS. 

Adsorption of arsenate on suspensions and solids in nature is an important part of 

the arsenic cycle. Adsorption regulates the mobility and availability of arsenic in natural 

systems such as soils, sediments, rivers, lakes and oceans^-®^. Adsorption of arsenic in 

natural environments has been studied extensively. Arsenic is known to adsorb on soils. 
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sediments, clays, corals, various oxides, calcite, activated carbon, fly ash, biomass etd^"-

51,52,53,54, 55.56) 

Arsenic adsorption on ferric oxides/hydroxides has attracted attention due to the 

significant adsorptive properties of these materials and their wide spread distribution in 

nature. Of particular importance is the poorly ordered hydrous ferric oxide precipitate 

also known as ferrihydrite. It is one of the most important adsorbents of minor elements 

in nature due to its high reactivity and large surface area. Surface areas of ferrihydrite 

determined by a wide range of methods are reported to vary between 100 and 700 mV'-

The BET method for natural samples gives values from 200-400 m'g"'"'^. 

Ferrihydrite is a naturally occurring degradation product which is commonly 

found in solid, clays, sediments and mineral bodies. Adsorption of arsenic on goethite"'®i 

and hematite*^®- have also been studied in some detail because these minerals have a 

well defined crystal structure, are wide-spread in natural systems, and are easy to prepare 

in the laboratory. 

Many studies on the adsorption of arsenate on iron oxides have focused on 

determining the adsorption efficiency of these oxides under a variety of conditions. It has 

been determined that the adsorption of arsenic shows a strong dependence on pH and on 

the initial As concentration. Adsorption is also observed to depend on the specific 

crystalline form . Adsorption parameters such as site density, specific surface area and 

adsorption equilibrium constants are poorly known for natural iron-oxide systems 

because of heterogeneity in the solids. Table 2.1 is a compilation of arsenic sorption data 

/*-, .. - r..,  ^ .-c f. .» T.-l ,4 Tf-T T 
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the maximum reported in each study. Direct comparison of the data is hampered by the 

difference in the experimental conditions. 

The adsorption mecham'sm of ions can be specific or non-specific in nature. 

Specific adsorption occurs when there is direct coordination between the adsorbing 

species and the metal atom on the surface of the solid. There is no solvent molecule 

between the adsorbed species and the surface. The bonding is mostly covalent in 

character; the enthalpy of adsorption is of the order of 200-400 kJ mof'. Specific 

adsorption is also referred to as chemisorption. irmer sphere adsorption and ligand 

exchange in case of ligands. 

Non-specific adsorption is dominated by electrostatic forces. The adsorbing 

species retains its primary hydration shell, i.e. at least one water molecule interposes 

between the adsorbate and the surface. The enthalpy of adsorption is of the order of 20 

kJ mof'. In a multi component system, non-specifically adsorbing ions of the same 

charge are taken up in proportion to their concentrations in solution. Non-specific 

adsorption is also called ion pair formation and outer sphere adsorption. 
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Table 2.1 Arsenic Adsorption data for iron oxides/hydroxides 

Author x/m, 
^INOI/g 

[AS04^ 

leat 
pH Adsorbents Solid:Liquid, 

G: mL 
Background 
Electrolyte 

Harriso'® 
0) 

1.2 X 10' 1.8 X 10^ 8.2 Fresh 
Hydrous 
Iron Oxides 

0 .25:15  None 

Hingstot 
n 

159 1.07X 10' 3.4 Goethite Suspension O.I MNaCl 

Hsia<'^ 909 100 8.0 Amorphous 
Ferric 
Hydroxides 

Suspension 0.01 Vt 
NaNOs 

Misra 
(56) 

60 9.4 X 10' Not 
Reported 

FeiOj 2:10 None 



Iso-electric-point (iep) determinations have been used to verify specific or non

specific adsorption of ions on solid surfaces. The iso-electric point is defined as the pH 

at which the net surface charge is equal to zero. Adsorption may take place on a neutral 

surface or even a similarly charged surface. The charge on the surface may thus be 

modified and this may alter the iso-electric point (iep) of the adsorbent. H:ngston et al(®'> 

observed a lowering of the iso-electric-points of goethite and gibbsite upon specific 

adsorption of ions. The extent of the shift in the iep depends on the adsorbed ion. its 

concentration, and the nature of the adsorbate. 

Hsia<-^ observed a lowering of the iso-electric-point (iep) of hydrous iron oxide 

with increasing arsenate adsorption. The iep changed &om 8 (no adsorbed arsenic) to 5.8 

(5.0 X 10'^ M adsorbed arsenate), 4.3 (5.0 x 10"' M adsorbed arsenate) and 2.0 (2.0 x 10"^ 

M adsorbed arsenate). The authors also observed a non-dependence of arsenate 

adsorption on ionic-strength further confirming the specific nature of the adsorption 

process. 

2.5.2.1 Kinetics o f arsenate adsorption 

Pierce and Moore*®- studied the kinetics of As (V) adsorption on amorphous 

iron oxide in the pH range of 4-10. They reported that 90 % of the maximum adsorption 

occurred in the first hour, and 99 % of the maximum at the end of four hours. In contrast. 

Fuller et reported a slow approach to equilibrium in the arsenate-ferrihydrite system 

at pH 8 and 9. They observed a rapid initial uptake of As (V) in the first five minutes 

Kv aHcrkrrvttrirv 
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al(65) also reported observing a two-step adsorption of As(V) on ferrihydrite at pH 4.6 and 

9.2. At pH 4.6, they reported an uptake of about 80 % of the ma.\imura adsorbed arsenic 

in two hours and 94 % at the end of 24 hours. Similar observations were made at pH 9.2 

where 83 % of maximum adsorbed arsenic was taken up in two hours and 98.0 % fay the 

end of 24 hours. 

Jain et have suggested that the reaction between ferrihydrite and arsenate is 

diffiision controlled based on the good fit of their data to the parabolic diffusion equation. 

Fuller et al^^' have proposed that the gradual increase in the adsorption of As(V) on 

ferrihydrite is due to the diffusion of As(V) from bulk solution to the surface coordination 

sites within the aggregates of ferrihydrite crystallites, which constitutes the rate 

determining step. They described kinetics of arsenate adsorption by a general model for 

diffiision into a sphere in which a sub-set of sites on the surface of the e.xterior aggregates 

were assumed to attain equilibriimi rapidly. 

2.5.2.2 Aging in the ferrihydrite system-effect on adsorbed species 

Ferrihydrite is comprised of crystallites that contain edge and comer sharing Fe 

(HI) octahedra*®^^ which are similar to goethite or akageneite. The crystallites, which are 

8-15°A in length, aggregate and coalesce to form gelatinous floes of 100 nm or more. 

These aggregates consist of clusters of hundreds to thousands of crystallites held by Van 

der Waal forces. Over time, rearrangement and reordering of particles increases the 

number of cross-linked iron octahedra and the average crystallite size. The adsorption 

capacity of aged ferrihycuite Is reduced considerably. A decrease in the initial As (V) 
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adsorption of greater than 20 % was observed in ferrihydrite aged at pH 8 for six days in 

comparison to that aged for only one hom<^'. 

It has been confirmed that aging of ferrihydrite results in formation of crystalline 

iron oxide/hydroxide. It has been proposed that the transformation in ferrihydrite occurs 

via two competing pathways i) dissolution-reprecipitation, leading to goethite formation 

and ii) internal aggregation and rearrangement, resulting in hematite formation'®^-^^. The 

aging pathway clearly depends on solution conditions. Factors such as pH. temperature, 

ionic strength and foreign ions are all known to play a significant role in 

accelerating/retarding the aging process. Schwertmann et al<®®' have studied the effect of 

pH on the aging of ferrihydrite. They reported that at high pH values (>7). 96 % of 

ferrihydrite transformed into crystalline product in 441 days; below pH 6.62-85 % of the 

ferrihydrite transformed to crystalline product in the same time period. The pH also 

determined the identity of the transformation product. Goethite formation is favored by 

pH values below 5 and above 10, while hematite formation dominated in the intermediate 

range of pH of 5-10. Temperature increased the rate of transformation and also appeared 

to enhance the effect of other variables. Increasing the iomc strength up to 5 M has been 

reported to retard the transformation process, and favor the formation of hematite. 

Similar effects are observed on increasing the suspension concentration. 

Crystallite growth and increasing long range order expected to occur in ferrihydrite after 

the adsorption of arsenate may resxilt in the release of some As (V) to surrounding 

solution over long periods of time. The more prominent observed effect of As (V) 

udsorpiion on lerrinyuruc, however, iS the iuCtcaScu scofGuuc stabilily. AuSorbatcS Such 
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as As (V) retard the aging of ferrihydrite by suppressing the internal reordering 

/dissolution of the structure. 

Paige et al*®^' studied the effect of As(V) on the dissolution characteristics of 

ferrihydrite. Dissolution was studied in Dl water acidified to pH 3 with nitric acid, hi 

the absence of arsenate, ferrihydrite dissolved rapidly within 12 hours at a dissolution rate 

of 1.56 X 10"^ mol/kg per day per square meter. The dissolution rate eventually slowed 

down presumably due to the decreased size of the ferrihydrite particles. It was concluded 

that the dissolution reaction occurred on the surface of the particles at a rate proportional 

to the instantaneous surface area in accordance with the "shrinking core" model or the 

"cube-root" model. The cube root model is described in Chapter 4 in more detail. 

The presence of arsenate was observed to inhibit the proton dissolution reaction 

and the effect becomes more pronounced with increasing concentration of arsenate. The 

release of iron from the solids was observed to be linear with time. i.e.. the rate of 

dissolution was constant over time. The rate constant data are compiled in Table 2.2. 

Increasing the arsenic concentration in the solid from 0 to 50 % appears to decrease the 

rate constant by two orders of magm'tude. The authors concluded that the surface 

complexes are formed and which alter the surface density of dissolution active sites. The 

data appeared to be consistent with the surface complexation model, which predicts a 

steady-state dissolution rate for conditions far from equilibrium, and for which the 

concentration of the reactants are not significantly depleted. 
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Table 2.2 The inhibitory effect of arsenate on the rate of dissolution of arsenical 
ferrihydrite^^'l 

Solid (Fe:As) K (mole/kg per square m per day) 

100:0 1.56 X 10"^ 

97:3 5.67 X 10" 

95:5 6.91 X 10"" 

85:15 2.34 X 10"* 

50:50 1.52 xlO-* 



It has been detennined that arsenate and phosphate, both being tetrahedraily 

coordinated oxyanions, can compete for adsorption sites on surfaces like ferrihydrite, 

soils and sediments. Per>'ea'''0' reported that addition of phosphate causes arsem'c to 

release from the surface of soils contaminated with lead arsenate due to competitive 

phosphate-arsenate exchange. Phosphate and arsenate ions compete for the same set of 

surface sites. It has also been reported that at pH 8 oxalate and citrate ions also compete 

with As(V) for surface sitest'^l 

Jain. Raven and Wang<®^ smdied the release of adsorbed arsenic from sediments 

obtained from two lakes in Texas. The stability of the adsorbed arsemc was tested by 

agitating sediment samples. 2 g in size, with 25 ml of extracting solution for four hours. 

The solids were exposed to 0.5 M concentration of KNO3, DTP.A. KHiPOa^ NHiOH-HCI 

and ammonium oxalate at pH 3. Similar experiments were also carried out at pH 5 in 

citrate-dithionate solution. 

KNO3 and DPTA were found to be the least effective in causing arsem'c release 

from sediments resulting in less than 5 mg As/kg of sediment. They observed that release 

of arsenic was accompanied by the dissolution of the sediments in NTHiOH-HCl. 

ammonium oxalate at pH 3 and citrate-dithionate. In the case of phosphate, narly 75% 

arsenic was released, and no sediment dissolution was observed. The phosphate 

extraction mechanism involved ligand exchange of arsenic by phosphate from the surface 

sites of the sediment 



41 

2.5.2.3 Effect of dehydratioa 

studied die effect of dehydration on the solubility of arsenical 

ferrihydrite. The solubility of these materials was observed to increase with increased 

dehydration. Solubility of arsenical ferrihydrite increased upon drying. Table 2.3 shows 

the influence of the drying temperature on the solubility of these products. 

The dehydration process is believed to convert the arsenical ferrihydrite to a more 

dense dehydrated form and reduce the active surface area which results in the release of 

arsenic. To some e.xtent this simtilates the natural drying of ferrihydrite materials in arid 

climatic conditions and demonstrates that arsenical ferrihydrite becomes more soluble 

with time. 

2.52A Spectroscopy Studies 

Waychunas et al.'^' employed E.xtended X-ray .Absorption Fine Structure 

spectroscopy (EXAFs) to study the mechanism of As (V) adsorption on ferrihydrite at pH 

8 and 9. Unlike other spectroscopic methods which require dried samples. EXAFs can be 

used to study sorbed complexes in situ. It can provide relatively precise, direct 

measurement of average atomic distance, coordination number, and the type of 

coordinating ligand for the nearest neighbors of die X-ray absorbing atom. They 

determined that arsenate adsorbs on ferrihydrite surfaces mainly as an inner-sphere 

bidentate (bridging) complex sharing apical oxygens of two adjacent edge-sharing Fe 

oxyhydroxyl octahedra as shown in Fig. 2.4. The As was coupled to two Fe next nearest 
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Table 2.3 The influence of drying temperature on the solubility of arsenic (mg/L) 
from arsenical ferrihydrite-type compounds 

Drying 

Temperature (°Q 

Fe: As ratio of ferrihydrite (mg/L) Drying 

Temperature (°Q 1.5:1 2.3:1 9:1 

20 35.6 0.5 <0.1 

60 50.7 6.3 0.32 

100 59.3 8.9 0.28 
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neighbors at about 0.322 to 0.324nm. and to two oxide or hydroxyl ions at 0.325 to 0.33 

nm. Monodentate complexes were also observed and accounted for 30% of all As-Fe 

correlations. The number of monodentate linkages decreases as the concentration of the 

surface arsenate increases. Arsenate also forms inner-sphere bidentate complex adsorbs 

on the crystalline FeOOH surface. It was also observed that the arsenate complexes are 

structurally more disordered on the ferrihydrite surface than on the crystallme FeOOH 

surface. This is probably due to the inherent disorder in ferrihydrite and variations in the 

polymer structure. 

A subsequent paper by the same group of researchers'"' discusses the degree of 

disorder of ferrihydrite and related it to the adsorption of arsenate. The previous EXAFS 

results were combined with the Mossbaur results of to conclude that there are two 

different types of Fe'^ found in the ferrihydrite. The first kind forms a category of sites 

which do not participate in the adsorption process and posses higher coordination with 

other Fe^ dioctahedral (high degree of cross linking). The second category of sites form 

an incomplete Fe"*^ network. As a result of the lower degree of cross-linking, the 

remaining bonds are saustTed with exchangeable hydroxyl groups. Therefore, the arsenic 

is predicted to adsorb at two of these neighboring sites forming bidentate, binuclear 

bonds with iron octahedrals. 

Robins et al.'^^ collected EXAFs spectra on ferrihydrite samples with adsorbed 

As(V) which were prepared at pH 4. The EXAFS spectra indicated that a distorted 

tetrahedral ASO4 unit with an extended As-0 distance of 0.19 nm was attached 
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Figure 2.4 Geometry of bidentate coordination of arsenate with ferrihydrite as 
described by Waychunas et al<^l 



to the iron octahedra in a monodentate fashion on the surface of the ferrihydrite. The As-

Fe distance was 0.356 nm. They observed no As-As shells (coupling) indicating that 

there was no repeated three-dimensional structure containing the arsenate molecule. 

They argued that a single (monodentate) attachment of the arsenate tetrahedra at the 

octahedral iron apices, where die ferrihydrite particle is 2-3 nm in diameter will allow a 

theoretical ma.ximum adsorbed arsem'c to iron atomic ratio of at least 0.8. This was 

consistent with the Dzombak and Morel^^^^ calculation of the adsorption site densities for 

ferrihydrite ofO.1-0.9 moles per mole of iron (mono-layer adsorption). 

Infrared studies of precipitated amorphous iron oxide with adsorbed oxy anions, 

including arsenate, support the claims of a bidentate coordinated species on the surface of 

the oxide. Harrison and Berkheiser<®o* observed the splitting of bands in the IR spectra 

and attributed it to the bidentate complex formed by the am'on on the ferrihydrite. 

Splitting implies a loss in vibrational freedom which can be interpreted as a gain in 

symmettv". i.e. surface complex. Lundson et al.'^ concluded from the FTTR data ±at 

arsenic is adsorbed as HASO4"" by replacing a doubly coordinated hydroxyl group. 

2.5.2.5 Basic Ferric arsenates 

Iron arsenates of the form FeAs04.xH20 can be precipitated at ambient 

temperature. These solids are amorphous, and are ver>' unstable. Tozawa et al smdied 

the removal of arsenic with iron. They determined that arsenic removal with iron is more 

effective when it is present in the pentavalent form. The solubility of iron-arsenic 

J uu :: n-./rTT\/x-/xf\ X4^ ^ 
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Fe/As ratio of 2, the supernatant contained 0.5mg/L in a pH range of 3-5 at room 

temperature. At a molar Fe/As ratio of 5, the arsenic level in supernatant was 0.3mg/L 

over the region of 3-8. 

Kxause and Ettel'^- reported similar results for precipitates with Fe/As molar 

ratios in the range of 1.4-17. Kxause and Ettel reported that at pH of 5.0. varying the ratio 

of iron and arsenic has a significant effect on the solubility of arsenic. They attributed 

the increased stability to the formation of basic ferric arsenates. They proposed the 

formula FeAs04..x Fe(0H)3 for basic ferric arsenates, analogous to the formula of basic 

iron sulfate. It has been reported that while amorphous arsenate (Fe:As =1:1) is relatively 

soluble, basic ferric arsenates with Fe:.As ratios of four or more possess 100-1000 times 

lower solubility of arsenic over a wide pH range of 3-7. The presence of CO2 is known 

not to affect the stability of these compounds. 

.Another explanation is proposed to explain the character of basic ferric arsenates. 

Spectroscopic studies suggest that these non-stoichiometric iron-arsenic precipitates do 

not involve compound formation, rather. As (V) is adsorbed by ferrihydrite. EXAFS 

characterization studies^"' mentioned in an earlier section found no evidence for surface 

precipitation or solid solution formation questioning the possibility of compound 

formation. Robins*also reports that X-ray diffiaction patterns of basic iron arsenate are 

identical to the patterns obtained for ferrihydrite by Eggleton and Fitzpatrick^^^). 

BCrause and Ettel^^ conducted an aging study at room temperature. Solids of 

varying Fe/As ratios were stored as slurries of solid: liquid ratio of 10 g solids/ L or more. 



Fe:As ratio of 1:1 initially released 160 mg/L of arsenic at pH 5. This increased to 299 

mg/L after 678 days, thus confirming the unstable nature of the 1:1 compounds. 

Increasing the Fe:As ratio to 2:1 in the solids improves die stability considerably. 

Arsenic levels were found to be between OJZ and 0.74 g/L. The arsenic solubility of 

solids precipitated with Fe:As ratios between 4:1 and 17:1 were consistently below 0.2 

mg/L after 1355 days of contact. The arsenic dissolution was found to increase with 

increasing pH (above pH 4), and with decreasing Fe/As ratio. Table 2.4 summarizes the 

data obtained by BCrause and Ettel for solids with Fe/As molar ratios between 3.7-17'^. 

The solubility of the above solids was investigated in the presence of 

sulfide tailings to better predict their fate in a tailings pond'^. It was concluded that the 

presence of iron sulfides in disposal areas does not have a detrimental effect on the 

arsenic solubility. The more reactive sulfides, such as pyrrhotite, in fact, aid the 

stabilization of arsenic. Vircikova'^^^ investigated the solubility of amorphous Fe-As 

precipitates in the pH range 2-10 and concluded that precipitates with Fe: As ratios above 

3:1 were safe for disposal purposes. BCrause and Ettel<'^ investigated the stability of basic 

ferric arsenates at 100 °C, at pH 5. The results of the study are summarized in Table 2.5. 

Due to the high temperature employed in the test, BCrause et al do not consider the 

accelerated aging test as being representative of aging in. nature. 



Table 2A Solubility data for arsenical ferrihydrite (room temperature. 10 g/L solid 
/liquid ratio )<^ 

Molar Fe/As Ratio Time (days) pH Solution Assay (mg/L) 

Fe As 
3.9 1310 3.82 <0.2 <0.2 

3.9 636 4.9 <0.2 <0.2 
3.9 1355 6.95 <0.2 2.9 
3.9 1310 8.47 <02 12 
7.9 538 5.2 <0.2 <0.2 
8.0 431 5.0 O.ll 0.01 
15.9 636 4.85 <0.2 <0.2 

17.1 562 3.05 0.6 <0.2 
17.1 562 3.95 <0.2 <0.2 

17.1 562 5.95 <0.2 <0.2 

17.1 562 7.45 <0.2 <0.2 

17.1 562 8.2 8.9 l.O 



Table 2.5 High temperature aging of basic ferric arsenate (Fe:As is 8:1) at pH 

Time (days) X-ray Diffractioa Analysis Solution Assay (mg/l) Time (days) X-ray Diffractioa Analysis 

As Fe 

0 Amorphous (three broad maxima) 0.3 <0.2 

15 - 0.3 <0.2 

45 Predominantly amorphous, weak 
pattern of hematite (Fe^Os) and 
lepidocrocite (y-FeOOH) 

0.5 <0.2 

78 - 0.5 <0.2 

127 Mostly amorphous with a 
pronounced hematite pattern and a 
weak lepidocrocite pattern 

0.9 <0.2 

161 - 1.5 0.6 
222 Same pattern as 127 days 1.8 0.6 
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2.5.3 Scorodite 

Scorodite is a naturally occurring iron arsenate mineral, foimd commonly as a 

weathering product in arsenic bearing ore deposits^'^l Its wide spread persistence in 

nature suggests that its solubility may control the concentration of arsenate in natural 

waters. Table 2.6 shows the solubility of several naturally occurring, arsenic containing 

minerals according to the MARG procedure'^l Scorodite possesses an orthorhombic 

crystal sooicture. It is isostructural with mansfeldite (AIASO4. 2 H20). variscite 

(AIPO4.2H2O) and strengite (Fe^^04.2H20). Scorodite consists of ASO4 tetrahedra and 

Fe04(0H2)z octahedra. which are connected at the vertices^^^l The water molecules do 

not participate in these linkages. The strucmre has wide channels. Scorodite possess 

reasonably high stability at natural pH values. 

Arsenic can be removed from solution and waste streams by precipitation of 

scorodite. The low Fe: As ratio in scorodite offers advantages over arsenical ferrihydrite. 

There are many reports on the precipitation of scorodite from solutions containing iron 

(nitrate, sulfate and chloride) and arsenate. Dove and Rimstidt<^) precipitated scorodite 

from a chloride medium by heating ferric chloride and sodium arsenate solutions at 100 

°C and aging the solution for 14 days. Dutrizac and Jambor<^ "heated solution containing 

Fe(N03)3 and As^' at pH 7, in an autoclave at 160 °C for 24 hours aad successfully 

precipitated scorodite. Papangelakis and Demopoulos^^^ reported the formation of 

scorodite during acid pressure oxidation of arsenopyrite in a sulfate medium. Dutrizac<83) 

observed scorodite formation during jarosite precipitation at 150 °C in a sulfate medium 

at S pfr of 1.3. TUEV also Lcportcu the CuptcCiptUtUUIl 01 
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Table 2.6 Solubility of arsenic containing minerais<^> 

Mineral Name Ideal Formula Solubility Data Mineral Name Ideal Formula 

PH3 DH5 DH7 DH 11 

Bukovskyite Fe2As04S040H.7H20 0.19 0.10 0.07 84.30 

Kankite FeAs04.3.5H20 3.10 0.11 0.94 44.30 

Scorodite FeAs04.2Hi0 4.60 0.10 0.07 2.05 

Pitticite Fe-2^-Co-AsJcH20 0.47 0.10 0.10 137.20 

Yukonite CaFe5(As04)6(0H)9.18H2O 21.60 2.01 2.36 18.50 

Arsenosiderite Ca3Fe4(0H)6(H20)3(As04)4 2.16 0.40 0.62 2.17 

Symplesite Fe3(As04)2.8H20 Nd Nd nd 50.50 
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scorodite with jarosite at 97 °C in a cUoride medium. Demopouios et al(^> reported the 

precipitation of scorodite during the pressure chloride leaching of icftactory gold 

arsenical concentrate. 

Van Weert et all®?) produced well-crystallized scorodite by heating arsenic 

trioxide and ferric nitrate in nitric acid at 160 °C. The As(III) is oxidized to .'^s(V). 

which combines with Fe([ir) to form scorodite. Scorodite precipitation has been carried 

out at temperatures as low as 80 °C by controlling super saturation, combined with 

scorodite seeding in sulfate and chloride solutions^^®'. 

Swash and Monhemius^^ investigated high temperature precipitation in the Fe-

.A.S-SO4 system in detail due to its significance in the hydrometallurgical industry. Along 

with scorodite they reported the formation of two new compounds in the system. Type-I 

and Type-2. 

Tvpe-I 

The Type-1 compound is precipitated at pH<l, and at temperature above 125 C. 

It is formed in arsenic-rich environments where the Fe: As is less than I. The precipitate 

is a white powder composed of very fine-grained aggregates (less than 2 jim in size). 

Transmission electron microscopy revealed diat die aggregates were composed of 

equidimensional crystallites much smaller than O.I um. Type-l precipitates were 

believed to have a composition that approaches Fex(HAs04)3JcH20, where x is usually 

less than 4. 



The crystal structure is expected to be composed of AsiOsCOEI) tetrahedra and 

Fe04(0H2)2 octahedra connected at oxygen atoms provided by the As03(0H) tetrahedra. 

Type-l material synthesized at 200 °C was found to be less stable than the scorodite and 

Type-2 phase. The solubility of the material increased with increasing pH, varying from 

3.5 mg/LatpH3 to 14.0 mg/LatpH IL 

Tvpe-l 

Type-2 was observed to precipitate at low pH values (less than I), in an iron rich 

environment (Fe: As greater than I) at temperature above 175 °C. The Type-2 grains 

were up to 50 um in size, made up of crystallites radiating from a central core. The 

authors have proposed an idealized chemical composition of Fe3(AsOj)o 33(9-x-

2y)(0H)x(S04)y, where xl and y<l. The formula reflects the variation in composition of 

the compound. Type-2 compound possesses triclimc or monoclimc symmetry based on 

X-ray diffraction data and TEM crystallographic data. 

Type-2 material synthesized at 175 °C appears to have similar solubility 

characteristics as synthetic scorodite. 

2.5.3.1 Stability of high temperature solids 

The solubility of scorodite has been investigated by several researchers*'-

There is disagreement in the solubility product (pksp) and free energy (AGf") data. The 

disagreement has been attributed to the use of amorphous ferric arsenate (instead of 

scorodite) in experiments which results in higher solubility measurements. Krause and 
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Ettel carried out measurement on well crystallized scorodite samples. In Jie pH range of 

0.97-2.43, the log concentrations of Fe and As decreased linearly with increasing pH 

according to the following reaction: 

FeAs04.2H20scotodite+ 3tr ->Fe'^+ H3ASO4 + 2H2O. (3.8) 

The As solubility passes through a minimum at a pH of about 4. Above pH5, log 

concentration of As and Fe increases linearly widi increasing pH. 

Scorodite dissolves incongruently above pH 2.43 because of one of the two 

reactions listed below: 

FeAs04.2H20scoro<iitc^^ H2O-). Fe(0H)3 + (H2As04)" + FT (3.9) 

FeAs04.2H20sc0ra(iitt->Fe00H -i- (H2ASO4)' + FT (3.10) 



55 

Table 2.7 Solubility data for scorodite, pH adjustments made with HiS04 (Krause and 
Ettel)i9) ' 

Original pH | Equilibrium pH Analytical Concentration (rag/1) Original pH | Equilibrium pH 

Fe 1 As 
Congruent Dissolution 

0.9 0.97 58 54 

1.04 1.08 41 34 

1.2 1.24 21 19 

1.38 1.41 13 14 

1.64 1.67 5.3 5.1 

2.08 2.05 0.95 1.5 

2.85 2.43 0.26 0.33 

Incongruent Dissolution 

3.45 2.55 0.043 l . I  

- 2.64 0.053 O.I l  

5.57 2.65 0.058 0.20 

10 2.69 0.035 0.093 

11.05 2.86 0.040 0.080 

- 5.42 0.013 0.59 

- 6.53 1.5 3.8 

11.76 7.08 7.8 31.0 

12.06 7.79 12 129 

12.36 7.92 52 463 



BCrause and Ettel*'* calculated the solubility product of scorodite as 3.89x10'" in 

the congruent dissolution regime. The free energy of formation of formation was 

calculated as -1279.2 kJ. 

Several studies have determined that the solubility of scorodite is verj' low. 

comparable to that of arsenical ferrihydrite. Swash and Monhemius^^'- conducted 

solubility studies on natural and synthetic scorodite, Type-U and Type-2 solids in pH 

adjusted water (MARG static bottle test) and EPA recommended TCLP solution. 

The solubility data showed that the relative solubility of individual solids 

measured after 7 days were comparable to those found after 180 days. The solubility of 

natural scorodite at the end of the 7-day period varied from 4.60 mg/L at pH 3 to 0.08 at 

pH of 9. The solubility increased at pH 11 to 2.05 mg/L of arsenic. The solubility of 

synthetic scorodite produced at 150 °C was found to vary between 0.5 mg/L at pH 3 to 

5.8 mg/L at a pH of 11. 

Paige et al'®" investigated the solubility of scorodite in water acidified with nitric 

acid (pH=l.3). The dissolution process did not appear to reach equilibrium in 16 days. 

The dissolution appeared to be congruent. The rate of release of iron was calculated as 

5.63 X 10"^ mol kg"' m""day"' while the release of arsemc was calculated to be 6.5 x 10" 

mol kg"' m'~ day"'. 

The low solubility of scorodite has been confirmed by Krause and Ettel'^l 
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CHAPTERS 

EXPERIMENTAL PROCEDURES 

This chapter describes I) the methods used in preparation of scorooite samples: 2) 

experimental design considerations and procedures; and 3) important laboratory 

apparatus. A "coarse" scorodite. synthesized at Imperial College. London was the 

primary solid used in die present experiments. For comparison, experiments were also 

performed on a '^ne" scorodite prepared at the University of Arizona. 

3.1 Summary of Experimental Design 

The scorodite dissolution rate in acidic media containing simple organic 

complexing agents was obtained under various conditions. The organic complexing 

agents used were the dicarboxylic oxalic acid (HOOCCOOH), and the tricarboxylic citric 

acid (HOOCCHiOHCOOHCHiCOOH). The rate data were compared to data obtained in 

hydrochloric acid. 

3.2 Materials and Methods 

Reagent grade chemicals and Millipore Q-water were used in the preparation of 

solutions. 
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3.2.1 Scorodite Syndiesis and Characterization 

Scorodite powder acquired from the Imperial College of Science, Technology and 

Medicine in London was prepared hydrothermally. Precipitation was brought about by 

mixing solutions of arsenic acid and ferric sulfate (a molar Fe:As ratio of 1.2:1) and 

heating in an in an autoclave at I80°C for several hours. This resulted in formation of 

scorodite powder consisting of particles roughly 50-70 [im in diameter. The particle type 

was estimated from optical microscopy and Field Emission Scanning Electron 

Microscopy (FESEM). Scorodite particles were composed of spherulitic aggregates. X-

ray diffraction patterns and IR spectra obtained from these samples matched those of 

naturally occurring scorodite. 

Scorodite of finer particle type was prepared at Arizona Materials Laboratory by 

mixing equal volumes of 0.025 M solutions of Fe2(S04)3 and AsiOs. Precipitation was 

essentially immediate, resulting in creamy-white solutions. The natural pH of the system 

was L4. The particulate-containing solution was heated in a 500-ml zipper autoclave 

(manufactured by Autoclave Engineers) under aatural solution pressure at 165°C for 8 

hours. Solutions were stirred at 200 rpm. 

The autoclave treatment resulted in the formation of a mixture of (crystalline) 

scorodite and amorphous iron oxide/hydroxide. Shorter treatment times yielded solids 

containing significant amounts of iron oxide/hydroxide. The fraction of scorodite and 

amorphous iron oxide/hydroxide in the solid was estimated by X-ray difSaction analysis. 



3.2.2 Preparation of Solution Phase 

The following solutions were prepared in 0.5 M sodium nitrate (NaNOs) solution: 

1) pH 3 solution of hydrochloric acid 

2) pH 3 solution of oxalic acid in the following concentrations; 4xlO''M, 2xlO""M, 

2xlO-^Mand2xlO-'M 

3) pH 2 solution of 2xlO'"M oxalic acid 

4) pH 5 solution of 2x 10'"M oxalic acid 

5) pH 3 solution of 2x 10'"M citric acid 

The pH of above solutions was adjusted with ACS grade nitric acid (-70 % wt. 

HNO3) and sodium hydroxide (I M solution of NaOtl) addition. 

3.2.3 Experimental Set-up and Procedure 

A 50 mg scorodite sample was suspended in 50 ml of the appropriate solution in a 

125 ml Earlmeyer flask. Each flask was ughtly capped and wrapped carefully in 

aluminum foil to prevent the photocatalysed reduction of Fe(lII) known to occur in the 

presence of oxalic acid. The flasks were placed in a constant temperature shaking bath at 

desired temperature. The flasks were agitated at 190 rpm. Samples were withdrawn at 

regular time intervals and filtered through Whatman #1 filter paper. The pH of the 

filtrate was noted and the concentration of iron and arsem'c in solution was measxired. 

The solids were washed with DI water, dried and saved for analyses. 
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3.3 Dissolution Studies 

Dissolution studies were conducted on synthetic scorodite ("coarse" scorodite 

received from Swash, unless otherwise mentioned) under die following conditions: 

L Dissolution of scorodite in HCl 

The dissolution of scorodite was investigated in pH 3 solutions of HCl at 25 °C. 

40 °C and 60 

2. Dissolution of scorodite in oxalic acid 

The dissolution of scorodite was investigated in 4xlO*"M. 1\10*"M. 2xlO'"'M and 

2X10~'M oxalic acid at pH3 and temperatures of25°C, 40°C and 60°C. The experiments 

were repeated at pH 2. 3 and 5 at a temperature of 25°C in a fixed oxalate concentration 

oflxlO'- M. 

Dissolution of coarse and "fine" scorodite (~30nm) was investigated at 2x10"" M 

oxalic acid at pH 3 and a temperature of 25°C. 

3. Dissolution of scorodite in the presence of citric acid 

The dissolution of scorodite was investigated in 2 x 10*"M citric acid at pH 3 and 

temperatures of 25''C, 40°C and 60°C. 
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3.4 Analytical Methods 

3.4.1 Inductively Coupled Plasma Atomic Emission Spectroscopy (ICP AES) 

The iron and arsenic concentrations in aqueous solutions were determined using a 

Thermo Jarrell Ash ICP. The ICP was equipped with a CID (Charge Injection Device) 

detector. EPA method 200.7 was followed for analyses of arsenic and iron in solution. 

EPA Method 6010 B was followed when sodium ion interference was a problem. 

3.4.2 X-ray Diffiraction (XRD) 

Scorodite samples were analyzed on Scintag XDS-2000 diffractometer. The 

-XRD unit was equipped widi a copper x-ray tube which was operated at 40 mA and 40 

KeV. The instrument uses a theta-theta gom'ometer configuration. The tube divergent 

and scatter slits were set at 3 mm and 4 mm and the detector scatter slits were set at 0.3 

mm and 0.5 mm. The DMS-2000 (Diffiraction Management System) software was used 

to analyze the patterns. 

Scorodite samples were ground in a mortar and pestle and passed through a -325 

Tyler mesh (-44 |im) before being placed in sample holder. This ensured a random 

distribution of crystallographic. After the sample was poured into the srmple-holder. a 

glass microscope slide was placed on top of the sample and pressed evenly until the 

powder was flush with the sample-holder sides. 

X-Ray diffraction data was used, to identify scorodite and determine the extent of 

crysiauifiiEy lil cuc samptc. 
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3.4.3 Field Eraissioa Scanning Electron Microscopy (FE SEM) 

Solid samples from dissolution experiments were examined on a Hitachi S-4500 

FESEM. The sample was mounted on a carbon SEM sample holder. A gold/palladium 

coating of approximately 10 A thickness was applied to the samples (to inhibit charging 

from the electron beam). 

3.4.4 Transmission Electron microscopy (TEM) 

A high resolution Hitachi H-8100 transmission electron microscope was used to 

investigate the morphology of scorodite particles from long-term dissolution experiments. 

Sample were dispersed in acetone and a drop of the sample-containing solution was 

placed on a lacey carbon grid sample holder. The grid was dried overnight before being 

examined on the TEM. 

3.4.5 Fourier Transform Infrared Spectroscopy (FTIR) 

Infi:ared (IR) spectroscopy is a useful techmque for characterizing materials, 

providing information on the molecular structure and environment of a compound and 

identifying adsorbed molecular species. Chemical characterization of scorodite samples 

was monitored by FTIR in the transmission mode. A Perkins Elmer 1725X instrument 

was used in this study. A 2 mg sample of scorodite was mixed well with 150 mg of 

infrared grade (i.e., IR-transparent) potassium bromide (KBr) in a ball pestle. The 

mixtisre was pressed into a disc ismg a uyurauue press by exerting 5ve tons of pressure 



63 

for two minute. Transmission spectra were measured using a pure BCBr disc as a 

background in a 4000 to 400 cm"' range. 
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CHAPTER 4 

ElESULTS, DISCUSSION AND ANALYSIS 

4.1 Scorodite Characterization 

In the published literature, analyses of scorodite are largely restricted to that of the 

stoichiometric compound. FeAsO^'lHiO. Scorodite possesses an orthorhombic crystal 

structure. It is isostructural with mansfeldite (AIASO4.2H1O), variscite (.AIPO4.2H2O) 

and strengite (Fe''~P04*2Hi0). Scorodite consists of ASO4 tetrahedra and Fe04(0H:)2 

octahedra, which are connected at the vertices^®"'. The water molecules do not participate 

in these linkages. The structure has wide channels. 

Scorodite releases chemically bound water at 2I0-230°C as seen in the DTA 

pattern of Fig 4.1. The water molecules are held only by weak hydrogen bonds and are 

therefore released at relatively lowtemperaturest®'l 

An Fl'lR pattern for scorodite is presented in Fig. 4.2. The bands observed in the 

region of 800 cm"' and 450 cm*' are assigned to the tetrahedral symmetry of the arsenate 

structure. The tetrahedral symmetry of the arsenate ion gives rise to four vibrational 

bands of which, only the 887 and 463 cm'' bands are infrared active. The band at 594 

cm"' is attributed to O-As-0 bondmg. The peak at 3508 cm"' is assigned to the water of 

crystallization present in scorodite. The bending mode for scorodite occurs in the 1600 

cm'' range(5>. 
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Figure 4.2 FTIR pattern for coarse scorodite material. 
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4.L1 "Coarse" Scorodite 

The synthetic coarse scorodite was light green and made up of polycrystalline 

aggregates 50-70 |am in diameter. SEM micrographs are presented in Fig 4.3. Individual 

scorodite particles are polycrystalline and composed of spherulitic aggregates. The X-ray 

dif&action pattern matched that of naturally-formed scorodite. 

4.1.2 "Fine" Scorodite 

Upon mi.xing equal volumes of0.025 M solutions of AsiOs and Fei(S04)3 at room 

temperature, a fine precipitate formed immediately. The solid precipitate was filtered, 

washed in de-ionized water, and allowed to dry at 50 ®C. The solid was amorphous, as 

can be seen from the characteristic broad and featureless X-ray pattern depicted in Fig. 

4.4. 

The particulate-containing solution was heated in a 500-ml zipper autoclave 

(manufactured by Autoclave Engineers) at multiple temperatures under natural solution 

pressure. Solutions were stirred at 200 rpm. It should be noted that stirring of solution 

during the thermal treatment is very important. In the absence of stirring, multiple 

compounds were observed to form (e.g. so-called Type-l'^. so-called Type-2<^. along 

with scorodite). Stirring apparently homogenizes the solutions and inhibits the formation 

of non-stoichiometric phases. 



Figure 4.3 SEM micrographs of "coarse,"' synthetic scorodite 
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Figure 4.4 X-ray pattern for ferric arsenate precipitate formed at room temperature. 
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X-ray analysis indicated that the thermally-treated fine solids contain both 

amorphous and crystalline material. The crystalline component was identified as 

scorodite. The ratio of iron-to-arsem'c in the supernatant remained at 1:1 throughout the 

treatment period, indicating that the remaining amorphous material possesses on average 

the same 1:1 ratio as scorodite. 

X-ray diflraction was used to estimate the extent of crystallinity in these samples. 

A standard curve was generated by analyzing a series of mixtures containing known 

amounts of well-crystallized, synthetic scorodite and amorphous ferric arsenate (with the 

same 1:1 Fe:As ratio as scorodite). The amorphous ferric arsenate was prepared at room 

temperature from an equi-molar solution of Fe2(S04)3 and AsiOs. Fig. 4.5 shows x-ray 

patterns belonging to these mixtures. The relative intensity of the strongest X-ray 

diffraction peak (Ix/Is) was plotted as a function of known weight fraction of crystalline 

material (Xscorodiie). The strongest diffiaction peak in the scorodite pattern corresponds to 

a d-spacing of 4.47 A (20=19.91°). The relative intensity is defined with respect to a local 

baseline, and normalized to that corresponding the fully crystalline standard. The 

standard curve is shown in Fig 4.6. Because the crystalline and amorphous components 

possess approximately the same composition (although water contents may differ), an 

approximately linear standard curve is expected. 

A representative set of x-ray diffiaction patterns corresponding to two-hour 

treatment at 135°C, 150°C and 165°C are shown in Fig 4.7. The increasing crystallinity 

with increasing treatment temperature is indicated by the progressive increase in height of 

the charaaeristic peaks. The peaks aiso become better resoived with increasing 
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Figure 4.5 X-ray patterns for mixtures of scorodite and amorphous ferric arsenate. 
Selected peak heights were used to generate the standard curve in Fig. 4.6. 
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Figxire 4.6 Standard curve for crystallinity determination by X-ray difi&action. 
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treatment temperature, indicating that the average crystallite size increases with 

temperature, and the solids are becoming "better crystallized". 

Qualitatively similar sets of patterns were obtained at other treatment times, with 

the average extent of crystallinity increasing with treatment time. The inferred time-

dependent extent of crystallinity is shown for 165°C in Fig 4.8. At 165°C. crystallinity 

develops relatively quickly—the solid is over 80% crystalline within two hours. .A.t the 

end of eight hours, nearly 95% of the solid is crystalline. 

The "fine" scorodite used later in this study was produced from eight-hour 

treatments at 165°C. This material was determined to be over 95% crystalline. TEM 

analyses suggest diat the particles are 30-50 nm in diameter. Fig. 4.9 shows a TEM 

micrograph of the "fine" scorodite. XRD pattern for "coarse" and "fine" scorodite are 

presented in Fig 4.10. 

4.2 Dissolution Data and Analysis 

4.2.1 Presentation of Rate Data 

The advance of the dissolution reaction is presented in terms of ±e time 

dependence of the fraction of the dissolved solid,/ as a function of the mass of scorodite 

initially present in the system (fVo) and of the un-reacted mass remaining at time t (^F): 

Wo-W yo_j^ (4.1) 

The availability of e.xtended/vs. t curves permits exploration of both the chemical 

and physical processes involved in the overall dissolution reactions, providing more 
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Figure 4.8 Time-dependent degree of crystallinity corresponding to a 165°C treatment 
temperature. 
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Figure 4.9 TEM micrographs for 'iine" scorodite. 



77 

Relative 

Intensity 

"Fine" scorodite 

I 

I "Coarse" scorodite 

U^LiX»AAJul^^ 

15 20 25 30 

2-tiieta 

35 40 45 

Figure 4.10 X-ray patterns for "iine^scorodite (prepared at University of Arizona), and 
•'coarse" scorodite (obtained from Imperial College of Science, Technology 
and Medicine). 
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informatioii than the simple initial rates. Initial rates, however, are of interest because 

they may not be as affected by the time evolution of the interfacial area. 

Dissolution data were collected periodically over a treatment perici of 120 hours. 

E.\tended dissolution curves for scorodite in oxalic acid were obtained at relatively high 

concentrations (2xlO''M and 4xlO*"M oxalic acid) at low pH values (2 and 3). Under all 

other experimental conditions, the rate of dissolution of scorodite was very slow, and the 

steady-state was not achieved. 

A prominent "induction phase." lasting four to five hours on average, was 

observed in the extended dissolution curves of scorodite in oxalic acid. For the purpose 

of analyses, all dissolution curves were divided into two phases, I) early or initial 

dissolution (corresponding to an induction period - typically 4-5 hours in e.xtended 

dissolution curves) and 2) post-induction. 

Scorodite dissolution was observed to be essentially congruent, i.e.. the molar 

ratio of arsenic and iron measured in solution was close to that present in the solid. Since 

the amount of dissolved iron is mirrored by the amount of arsenic in solution, dissolution 

data is presented only in terms of /^values for arsenic. 

It should be noted that concentrations reported for all the ions in the aqueous 

solution are the analytical concentrations (i.e. the sum of all the complexed species and 

free ions in solution). 
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4.2.2 The Reactioa Rate 

We consider a solid-in-liquid dissolution process, the e.Ktent of which may be 

described by a normalized amount of material, (1-0, which is yet undissolved. The 

progress of the dissolution process may thus be gauged by monitoring fin the solution. 

The rate of dissolution is given as df/dL It indicates the rate at which material leaves the 

solid phase and enters the liquid phase. The material undergoing dissolution is a ceramic 

powder and the kinetics are thus heterogeneous in nature. The kinetic dissolution 

behavior of such powders will generally be controlled by such factors as changing 

geometry of reaction surfaces and diffusion paths. For example, a powder in which the 

surfaces are uniformly dissolved will display very different f-t curves than a powder in 

which non-uniform processes such as siuface pitting or cracking are observed. 

4.2.2.1 Variation of Reaction Rate with Concentration 

Generally speaking, the rate of chemical change varies directly as the active 

concentrations (i.e.. activities) of the reactants. Frequently, activities are taken as being 

equal to the corresponding concentrations. 

For example, for the simple, one-way reaction 

A -> products (4.2) 

The rate of reaction, dA/dt, may be expressed 
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(4.3) 

which, by separation and integration, results in an exponential f(t). 

More complicated reactions may involve higher powers of the concentration and 

die explicit inclusion of back-reactions. 

4.2.2.2 Variation of Reaction Rate with Temperature: The Arrhenius Equation 

The rates of most reactions vary significantly with increasing temperature, .'\rrhemus 

found that the e.\perimentally observed reaction rate. R. may be expressed as 

where Rg is the gas constant, and i?* is the pre-exponential factor known as the 

frequency factor. 

The natural logarithm of the reaction rate is given by 

Thus, to the extent a reaction rate is Arrfaenius in character, and to within experimental 

error, plotting ln(R) vs. l/T should yield a straight line with slope equal to -Ea/R and 

intercept equal to ln(R*). 

^ = i?*exp (4.4) 

(4.5) 
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4.2.3 Dissolution Processes: A Summary 

A basic characteristic of dissolution data is associated with the local curvature of 

the f-t data. Negative curvature indicates a deceleratory process, i.e., a process in which 

the dissolution process itself results in changes to the overall system which inhibit the 

magnitude of further dissolution. Deceleratory dissolution commonly results when the 

dissolution process reduces the available (readable) surface area (see below). 

Deceleratory dissolution can also result from kinetic control by a diffusion process. 

In many cases, a positive curvature is observed in a portion of a dissolution curve, 

i.e.. the dissolution displays an acceleratory characteristic. This is representative of some 

sort of "autocatalytic" process, i.e.. a process in which the dissolution results in a change 

to die system which increases the rate of further dissolution. This process may be 

autocatal\tic in the chemical sense, i.e., a product of the dissolution reaction may act as a 

catalyst for further dissolution; or it may be that the dissolution process breaks up the 

material in a way which results in increased surface area as the dissolution process 

proceeds. 

Naturally acceleratory processes must eventually "turn-over," i.e., there is only so 

much material which is available to dissolve, and ultimately, all dissolution processes 

must approach in a deceleratory manner an asymptotic value. 

These and other considerations are discussed in more detail and selectively 

applied to the present data below. 
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4.2.4 General Analysis 

From a general perspective, the rate of dissolution may be expressed as the 

product of an effective rate per unit area, R, and an effective available (i.e.. reactable) 

area, S: 

Except in cases of a diffusion liraitan'on. the instantaneous rate per unit area, R. 

and instantaneous surface area. S. are more naturally e.\pressed as flmctiuns of f than of 

time. In deriving models, such a dependency is normally taken, and equation 4.6 is 

integrated to obtain the appropriate from of rate equation, i.e.. 

(In cases where there is a diffusion limitation, the explicit dependence on time 

cannot be removed, and one must integrate time dependent factors as well as volume 

dependent factors.) 

4.2.4.1 Deceleratory Behavior 

Contracting Area Control 

If the rate of dissolution per unit area of available surface, R, is constant, the 

(4.6) 

(4-7) 

t,t ^^ 4: 1 I ^ C 
ELlUCUUd Ul Utddi/tULiULL otu tti/vutiiwu- uy uiv vaiia-uwii tiiw a-vaiiacfiw ouiiaww ui.wu« 
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Such situations may be referred to cases under contracting area control. The simplest 

such case would consist of a constant area, planar surface undergoing dissolution. In this 

case. S is also constant, and die integrated rate expression (equation 4.7) gives 

i.e.. a fixed dissolution rate that proceeds until all the solid has dissolved. 

More commonly, dissolution results in a dimim'shing of the available surface area, 

resulting in a dissolution rate which dimim'shes with time, i.e.. a deceleratory dissolution 

process. Such processes display characteristic f-t curves vvith negative curvature. 

A more common experimental geometry consists of a powder of material in a 

stirred liquid. In connection with this, consider, for example, the case of a mono-disperse 

system of spheres dispersed in a liquid. This might correspond to a case, for example, in 

which die products of the dissolution reaction have absolutely no impact on the rate of 

dissolution. Consider still further that dissolution occurs only at the exposed surface of 

the sphere. 

The surface area. S, decreases with dissolution, i.e.. with f. according to the 

followng simple geometrical equation: 

f = RSt (4.8) 

(4.9) 
^aP 
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where Mo is the initial mass of the material; p is the density; and To is the initial radius 

of the monodisperse particles. 

Taking R as constant, and substituting equation 4.9 into 4.6. one obtains a 

separable differential equation that may be solved by direct integration, giving: 

/ = l-
c m. 

foP 
(4.10) 

This basic form of time-dependence would apply for any type of isomemcally 

contracting three-dimensional body, i.e.. any body for which three independent 

dimensions are decreasing. 

For small t. which naturally corresponds to relatively small f. equation 4.10 may 

be expressed as 

/ (4.11) 
^oP 

which may be seen as representing an induction period. 

For a two-dimensional contraction process, the surface area would diminish as (1-

For example, for initially mono-sized cylinders for which the curved area possesses 

a non-zero value of R and the endcaps possess a zero value of R, we have 

= (4.12) 
r n 
'ot^ 
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where to is the initial radius (the "height" does not matter), which results in 

/ = l- l-
RMq 

^oP 
(4.13) 

In the general case, where the surface area follows 

s = ^ ( i - / r  (4.14) 

f is given by 

f =  \ - [ \ - { \ - n ) R p t )\̂ n (4.15) 

This corresponds asymptotically to 

f - R P t  (4.16) 

The key observation here is that all such power-law behaviors for f are expected 

to display an initial linear period, the corresponding rate of which is proportional to the 

reaction rate per unit area, R. Thus an Arrhenius analysis of the so-obtained rates should 

generate the appropriate activation energy governing the temperature dependence of R. 

Less direct meaning can be derived from the so-obtained pre-exponential factors, which 

depend on iniual geometrical and material factors. 
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4.2.4.2 DifEusion Control 

Dissolution reactions may be transport-controlled, where the concentration of the 

dissolved species immediately adjacent to the surface correspond to the equilibrium 

solubility (Cg) of the solid phase and the concentration, c, of the dissolved species is 

diffusion controlled and increases with the square-root of time, t, i.e. 

(4.17) 

k being the rate constant. 

Diffusion control is generally associated with fast dissolution. It can often be 

avoided by sufficiently stirring or otherwise agitating the solution. It should be noted, 

however, that stirring does not guarantee a lack of diffusion control. The boundary 

region of liquid in the immediate vicinity of the solid may be relatively undisturbed by 

stirring. In natural systems, diffiision controlled dissolution is expected to dominate in 

weathering environments where water movement is slow and the phase being dissolved is 

static. 

4.2.4.3 Acceleratory Behavior 

Self-Acceleratory Control 

Kinetic control by "self-acceleratory" processes results in f-t curves with positive 

curvature, i.e., acceleratory behavior. Such behavior may result from a chemical 

autocatalysis, i.e., through an R(f) which increases with increasing f: or it may result from 
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a physical process by which S(f) increases with increasing f. Examples of the latter 

include cases in which dissolution breaks apart, cracks, or otherwise leads to the exposure 

of new surface of the material as dissolution proceeds. 

In is interesting to note that the mathematics of self-acceleratory-type models 

closely follows that diat of population dynamics. In the latter, the acceleratory process is 

exponential in nature and is associated widi the fact that a given individual bears 

offspring, each of which bears fluther offspring, and so on. The ultimate deceleratory 

process is associated with the fact that there are only limited resources available to 

support the population growth. 

Self-Acceleratory Models 

There appears to be a tremendous diversity of self-acceleratory-type models in the 

literature, and these models represent a great variety of physical bases. Careful analysis, 

however, shows that many of these are exactly or essentially equivalent to one another 

from die mathematical perspective. It is usefiil to explore this generality by deriving a 

few self-acceleratory models in detail. 

Self-acceleratory dissolution models must reflect the fact that the rate of 

dissolution increases in some manner with the amount of material aheady dissolved. A 

simple case assumes a linear rate-dependence: 

+Af (4.18) 
dt 
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where (RS)o is the initial rate, and A is a constant. Equation (4.18) has solutions of the 

i.e., the amount of dissolved material, f, is acceleratory and increases exponentially with 

time. (Note that equation 4.19 is linear tor small t, corresponding to an inquction period). 

Naturally, this exponential dissolution cannot continue indefinitely ~ availability 

of material will eventually become a severely limiting factor. This is accounted for in the 

differential equation by allowing the rate of dissolution to vary not simply with the 

amount already dissolved (f), but by the product of the amount dissolved (f) and the 

amount of dissolvable material remaining (I-t"), i.e.. 

form: 

(4.19) 

(4.20) 

Equation 4.20 may be rewritten as 

which may be integrated by partial fractions to give 

t-tC = —= " =tanh ^ 
^4(RS),A-^A-

42/-1) 

j4{RS),Ai-A-

(4^2) 



89 

Or. 

f-
^4(RS\A + A' f {ti^C)^4(RS\A + A' 

A 
+ l 

y 

(4.23) 

I.e.. 

/ = atanh(7f+ C) + - (4.24) 

where C. an arbitrary integration constant, is here constrained by the initial rate. (RS)o. 

as 

a tanh(C) + ̂  = (4.25) 

Equation 4.24 represents a sigmoidal or S-shaped form frequently observed in 

dissolution studies, including those of the present dissertation. 

For strongly self-acceleratory reactions. (RS)o«Ai(l-f), and equation 4.24 

reduces to 

f-i-C =—tanh '(2/-l) 
A 

(426) 

Recalling the identity 

(427) 
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Equatioa 4.26 may be expressed 

In / 
I - / ,  

= kt^C (4.28) 

which is the familiar form of the Prout-Tomkins<^'' or Austin-Rickett^^^^ expression. 

These expressions are often associated with branching or chain effects, such as 

dissolution in which the nucleation and "growth" of dissolution sites creates fiirther 

preferred nucleation sites. 

Solving equation 4.28 for f gives 

C'exp(-^)+1 
(4.29) 

where C'=exp(-C). 

4.2.5 Initial Data from Dissolution Curves 

It is common in the analysis of dissolution to consider the initial dissolution rate, 

{df Idt\, which is typically done by fitting a straight line to the early portion of the 

dissolution data. The slopes thereby extracted indicate the initial rate corresponding to 

the given set of conditions. It is important to note that an initial linear period of 

dissolution is expected for a variety of models in the limit of small f 
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4.2.5.1 Oxalic Acid 

Fig. 4.11 shows die f-t curves for dissolution of scorodite in oxalic acid for four 

concentrations (2x10"*, 2x10""', 2x10'" and 4x10"" M) at pH 3 and a temperature of 25°C. 

As expected, the dissolution rates were observed to increase with time. 

These experiments were repeated at higher temperatures (40°C and 60°C) in 

1x10"*. 2x10*"' and 2xlO*"M oxalic acid at pH 3. Dissolution rates increased with 

increasing temperature. Assuming Arrhem'us dependence of rates on temperature, the 

data can be used to obtain the activation energy corresponding to El. the reaction rate per 

unit area for the dissolution process. The corresponding plot is presented in Fig. 4.12. 

which indicates an apparent activation energy of about 25 kcal mol"'. 

The dissolution of scorodite was investigated at pH 2. 3 and 5 in 2xlO""M oxalic 

acid at a temperature of 25°C. Initial dissolution rates were observed to increase with 

decreasing pH in an exponential manner, as seen in Fig. 4.13. 
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Figure 4.11 f-t plots for initial dissolution of scorodite at pH 3 and 25°C: 4x 10"" M 
oxalic acid (o): 2x10"" M oxalic acid (0); 2x10'^ M oxalic acid (x); 2 .xlO"* 
M oxalic acid (o). 
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Figure 4.12 Arrhenius plot for scorodite dissolution data obtained at 0.02 M oxalic acid 
atpH3. 
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Figure 4.13 In f vs. pH plot in the early dissolution regime for scorodite in 0.02 M 
oxalic acid at pH 2,3 and 5, and at a temperature of 25°C. 
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4.2.5.2 Citric Acid 

The dissolution of scorodite in IxlO'" M citric acid was studied at pH 3 at 

temperatures of 25°C, 40°C and 60°C. Citric acid was not very reactive towards 

scorodite. The rate of scorodite dissolution in citric acid was much slower than that in 

o.xalic acid under odierwise identical conditions. A measurable rate of dissolution in 

citric acid was observed only at a temperature as high as 60°C. as shown in the f-t plot in 

Fig. 4.14. 

4.2.5.3 Hydrochloric Acid 

The initial rate of scorodite dissolution in a pH 3 solution of HCl was extremely 

slow. Increasing the temperature did not result in a significant increase in the dissolution 

rate in the first few days of the process. 

4.2.6 Analyses of Post Induction Dissolution Data 

Dissolution in the following types of aqueous acid solutions are discussed in this 

section: 

• Oxalic Acid— Dissolution of scorodite was studied at multiple oxalic acid 

concentrations, temperatures and pH 

• Citric Acid— Dissolution of scorodite in 2xI0''M citric acid was studied at 

multiple temperatures. 
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Figure 4.14 f-t curve for dissolution of scorodite in lxl0""M citric acid at pH 3 and 60°C 
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• Hydrochloric Acid— Dissolution of scorodite in HCl 25°C was investigated 

mainly for determining the effect of pH (independent of the effect of organic 

complexing agents) on the dissolution of scorodite. 

Extended dissolution curves, however, could not be obtained for all systems. This was 

mainly due to extremely slow dissolution rates. Most e.xperiments were terminated at the 

end of si.x-days. 

4.2.6.1 Dissolution of scorodite in oxalic acid -Effect of Concentration 

The dissolution of scorodite in oxalic acid was investigated at the following 

concentrations at pH 3 and at a temperature of 25°C: IxlO"*, 1x10'^, 2x10'" and 4x10'" M. 

The rate of dissolution of scorodite was observed to increase with increasing oxalic acid 

concentration. The f-t curves obtained at oxalic acid concentrations of lxlO""M and 

4xlO'"M are presented in Fig. 4.15. A distinct sigmoidal characteristic was observed in 

the dissolution curves at these oxalic acid concentradons. The dissolution rate in these 

two cases was reladvely large, and near-complete dissolution was seen within a few days. 

In contrast, the dissolution rate was considerably lower in solutions containing 2 x lO""* 

and 2 X 10"^ M oxalic acid in the dissolving medixnn. These curves were deceleratory in 

nature, and the sluggish dissolution rate resulted in less tiian 1% total dissolution of 

scorodite in a period of nine days. These curves did not approach equilibrium during this 

period. 
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Figure 4.15 f-t curves for dissolutioa of scorodite in 0.04 M oxalic acid (0) and 0.02M 

oxalic acid (X) at pH 3 and 25 °C 
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4.2.6.2 Dissolution of Scorodite in Oxalic Acid -Effect of Temperature 

Scorodite dissolution was studied at pH 3 in 1x10"*. 2x10'^ and 2xlO""M oxalic 

acid at temperatures of 25°C, 40°C and 60°C. The rate of scorodite dissolution increased 

with increasing temperature. Sigmoidal f-t profiles were obtained in 2xI0''M oxalic 

acid. Fig. 4.16 shows the sigmoidal f-t plots for this system at the three temperatures 

along with the best fits of Equation 4.28. The fitting parameters are given below in 4.1. 

An Arrhenius plot for the derived rate parameters, k, is given in Fig. 4.17. 
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Table 4.1 Fitting parameters for sigmoidai data at temperatures of 298K. 3I3K. and 
333K 

ParameterVTemp (K) 298 

1—
1 

333 

K 0.0808 0.105 0.495 

C 674 25.9 i 246 
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Dissolution of scorodite at lower concentrations (2x10'^ and 2x10"*) of oxalic acid 

resulted in non-sigmoidal deceleratory curves. Approximately 8% scorodite dissolution 

occurred in 2xlO"^M oxalic acid at 40°C in nine days. At 60°C the amount dissolved 

increased to 15%, and the curve appeared to approach equilibrium in nine days. 

Dissolution in the presence of 1x10"* M oxalic acid at the three temperatures 

showed behavior similar to that observed at 2xlO'"'M. The dissolution cunes retain their 

non-sigmoidal. deceleratory character. At lower temperatures, the dissolution was much 

slower and very little total dissolution occurred. At 60°C the dissolution curve appeared 

to approach equilibrium in 9 days resulting in the dissolution of less than 1% scorodite. 

4.2.6.3 Dissolution of Scorodite in Oxalic Acid—Effect of pH 

Dissolution of scorodite was investigated at pH 2.3 and 5 in 0.02 M oxalic acid at 

a temperature of 25 °C. Dissolution proceeded at relatively fast rate at pH 2 and 3. In 

later stages of dissolution, however, pH 3 appears to be most effective, as seen in Fig. 

4.18. At pH 5, the rate of dissolution is linear and extremely slow (Fig. 4.19). 

Dissolution in the pH 5 dissolving medium was followed for six days, during which less 

than 2% scorodite was observed to dissolve. Effect of Particle Type 

The effect of particle type on the dissolution rate was examined in 2.xl0'* 

M oxalic acid at pH 3 and at a temperature of 25 °C. Scorodite of two particle types, 

average size 40nm and 70|im, was selected for the study. Scorodite of both sizes was 

prepared hydrothermally. 
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Fig. 4.20 shows sigmoidal f-t curves for the dissolution of scorodite of the 

two particle types. Scorodite composed of fine particles (average size 40nin) dissolved at 

a faster rate; complete dissolution occurred within 40 hours. Approximately 8% 

scorodite was observed to dissolve within the first hour of the dissolution process which 

may be the result of the quick dissolution of small amounts of amorphous material 

present in the crystalline scorodite sample. In a separate experiment, it was established 

that amorphous ferric arsenate dissolves at a much faster than crystalline scorodite under 

identical conditions. 
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Figure 4.16 f-1 plots for scorodite dissolution in 0.02M oxalic acid. The data are fitted 
to Prout-Tompkins equation (lines through the data) 
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Figure 4.17 Arrhenius plot of scorodite dissolution data obtained in 0.02 M o.xalic acid 
a t p H 3 .  
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Figure 4.18 f-t data and Prout-Tompkins fit for dissolution of scorodite in 0.02 M oxalic 
acid at pH 2 and 3 at 25 °C. 
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Figure 4.19 f-t curve for scorodite dissolution in 0.02 M oxalic acid at pH 5 and 25 °C 
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The data sets obtained for die dissolution of the two kinds of particle type 

were not collapsible upon scaling the time. Therefore, the dissolution curves cannot 

be explained by a simple difference in reaction rate per unit area or particle radius. 

42.6.4 Dissolution of scorodite in citric acid 

Dissolution of scorodite was investigated at pH 3 in 2.xI0''M citric acid at 

temperatures of 25°C. 40°C and 60°C. The f-t curves were observed to be linear as 

shown in Fig. 4.21. The dissolution rate was observed to increase with temperature; 

an Arrhenius type plot is presented in Fig. 4.22. An activation energy value of 25.7 

kcal/mol was determined from the data. 
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Figure 420 f-t data and Prout-Tomkins fit for dissolution of scorodite in 0.02 M oxalic 

acid at pH 3 and 25 °C for "fine" scorodite (0): "coarse" scorodite (x). 
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Figure 4.21 f-t data and linear (induction) fits for scorodite dissolution in 0.02M citric 

acid at pH 3 and 25 °C (0), 40 °C (G), and 60 °C (O). 
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Figure 4.22 Arrlienius plot for scorodite dissolution in 0.02M citric acid at pH 3 (Fig. 
4.21). 



I l l  

4.2.6.5 Dissolution of scorodite in HCl 

Dissolution e.xperiments were conducted in dilute solutions of HCl to isolate the 

effect of protons on scorodite dissolution. These data provide a basis of comparison with 

dissolution data obtained in the presence of the organic ligands. The rate of dissolution 

of scorodite in pH 3 solution of HCl at a temperature of 25°C was determined to be very 

slow. Approximately 0.01% scorodite was observed to dissolve at the end of 120 hours, 

which increased to 0.03% after 900 hours. 

The small amount of scorodite dissolution in mineral acids seen in our study is 

supported by observations made by several researchers. BCrause and Ettel*'-'"' smdied the 

solubility of scorodite at 23''C in water in a pH range of 0.97-2.43 (by addition of sulfuric 

acid). The solutions were sampled after 14 days of scorodite dissolution. It was 

determined that the concentration of As and Fe in solution decreased linearly with 

increasing pH. The amount of scorodite dissolution detected at pH 3 was very low. This 

is demonstrated in Fig. 4.23 which shows the dissoluuon behavior of scorodite over a 

wide pH range. It can be concluded that scorodite is fairly insoluble at pH 3 in the 

absence of complexing organic ligands. 
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Figure 4.23 Solubility of scorodite and amorphous ferric arsenate'^l 
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4.2.7 Dissolution of Iron containing Minerals 

4.2.7.1 Dissolution by Mineral Acids 

The rate of dissolution of iron oxides in mineral acids is assisted by low pH 

because the affinity of protons for the structural 0'" results in the release of the Fe from 

the bulk. The strong effect of pH can be ttaced to the hydrolytic properties of the 

aqueous species of iron which determine the solubility equilibria. The pH of the solution 

also affects the electrochemical surface potential and therefore the redox processes. 

Stumm and Furrer<''* proposed a mechamsm for the reaction between iron oxides 

and mineral acids. The general reaction can be described as: 

FeOOH^ +nH' +(n-l)/^,0 (4.31) 

Consider an iron oxide surface in an aqueous environment where the surface Fe 

atoms are coordinated to a neutral OH/OH2 pair. The surface is comprised of metal ions 

partly bound to the solid framework through oxobonds, and partly interacting with die 

solvent and the dissolved species. It is a common practice to denote these surface 

complexes with the use of three dashes (=), even in cases where three oxobonds may not 

be involved. Adsorption of by the surface OH group converts =FeOHOH2 to 

=Fe(OH2)2"- This is followed by the adsorption of two more protons per Fe atom. The 

proton adsorption weakens the Fe-0 bond, probably by polarizing it, resulting in the 

detachment of Fe. 

Dissolution of iron oxides by protonation occurs at rates that can be empirically 

described by the equation beiow: 
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Ii = k„[H'\"" (4.32) 

where k is a constant and n varies between 0 and I. 

The empirical rate constants are influenced by the nature and concentration of 

anions present. The anion accompanying the proton may replace die surface OH groups 

and therefore assist in the release of Fe. The above-stated empirical rate law of Eqn. 4.32 

can be generalized to include the effect of the anion: 

[.rr (4.33) 

where X* is the anion. 

The chemisorption of fT" and X* affect the empirical constants nn and nx. 

4.2.7.2 Complexation (Carbo.xylic Acids) 

Iron is a class A ion and is therefore expected to bind preferentially to oxygen 

donor groups such as carboxylates. The response of iron o.xides to carboxylic acid, 

however, varies between negligible to near-complete dissolution^^K For example, 

monocarboxylic acids do not adsorb to any sigm'ficant extent on the surface of iron 

oxides This results in a low concentration of surface complexes (=M-X) leading to very 

low dissolution rates. Similar observations have been made for aminomonocarboxylic 

acids and cysteine. Polycarboxylic acids are known to adsorb strongly on iron oxides, yet 

very little dissolution is observed due to the small value of the rate constant for 

detachment of surface complexes. The formation of several strong siirface bonds may 

result in a passive sxirface by actually protecting the surface from proton attack. This 

may occur by i) providing aitemative sites for proton binding and 2) subsutniictliy 
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decreasing the probability of forming ensembles with an adequate number of adjacent 

protons. 

The above observations have been summarized by BIesa'^-> in a graph shown in 

Fig. 4JZ4 in which the log rate of dissolution is plotted as a function of ±e number of 

carboxylate groups in the orgam'c molecule in terms of surface complexation pre-

equilibria The graph indicates that oligocarboxylic acids with two, three or four 

carboxylate groups to be potentially capable of accelerating dissolution 

Table 4.2 lists the acidity constants and the Fe(ll) and Fe(in) complexation 

constants for some important carboxylic acids. Because the complexing ligand must first 

adsorb on the surface before it interacts with the oxide, the surface complexation 

constants strongly influence the dissolution rates. The complexation constants 

correspond to equilibria of the form: 

Fer^.,= FeY"'"" (4.34) 

FeY^.r"" +xOH- = FeY^(OH)r""'' (4.35) 

Oxalic acid, a moderately strong diprotic acid, is iaiown to interact strongly with 

metal oxides. It is a strong complexant and is capable of forming complexes with a 

variety of metal ions, and is a thermodynamically strong reductant Kinetic factors are 

limiting, although dissolution may be facilitated either by formation of inner-sphere 

complexes or by the action of light 

In acidic oxalate solutions, surface oxide or hydroxide ions are easily replaced by 

complexing ions. The adsorption of oxalate has been characterized by electrokinetic 

mobility meastirements of iroa-oxide particles (e.g. magnetite and hematite)^^^, 94) jn 
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oxalic acid solutions^ The results indicate the replacement of Fe-OHi by Fe-(00C)2 as 

the charge bearing species on the interface. Also, adsorption measurements based on the 

difference between initially added oxalic acid and that after equilibration indicate that 

adsorption occurs rather quickly. 

The uptake of the oxalic acid is very pH dependenti^^) 33 shown in Figure 4.25. 

The figure shows the adsorption isotherms of oxalic acid on hematite particles at various 

pH values. Protons facilitate the dissolution process by protonating the surface OH 

groups, thereby contributing to a weakening of the FeO bond, and to a lesser extent by 

increasing the positive charge of the surface, thereby promoting ligand adsorption. As 

pH falls, however, protonation of the ligands in solution lowers the amount of ligand 

adsorption and also the rate of dissolution. As a result of these opposing forces, there is 

often a pH at which the dissolution rate in the presence of an organic ligand is maximum. 

Stumm and Furrer<''> proposed that dissolution of an M(ni) oxide by an organic 

ligand involved three consecutive reactions: ligand adsorption, metal detachment and 

proton adsorption/surface restoration (as shown in Fig. 4.26). Protons facilitate the 

dissolution process by protonating the OH groups (contributing to the weakem'ng of the 

Fe-0 bond), and, to a lesser extent, act by increasing the positive charge of the oxide 

surface (thus promoting ligand adsorption). 
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Table 4.2 Acidity and Iron Complexation Constants for Oxalic acid, Nitrilotriacetic 
acid and Nitrilotriacetic acid 

Ligand pK„ Fe(II) Fe(III) 

Oxalic Acid 

H2Ci04 1.04 • -

HC204* 3.55 - -

C2O4" - 3.05,2.10 7.53,6.11,4.85 

Nitrilotriacetic Acid 

H3Y 1.8 
- -

HiT 2.48 
- -

HY-- 9.71 0.52 
-

-
8.33,4.47 15.9,8.4 

C 

H4Y 2.00 
- -

E3T 2.68 
— -

HiY'- 6.11 
- -

HY'- 10.17 6.8 16.13 

Y-
-

14.27 25 
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4.2.7.3 Reduction 

Experimental evidence shows that dissolution of the various iron-oxides can occur 

in a non-reductive or a reductive manner. The two reactions are represented by the 

following equations: 

= Fe(III)-Y Fe(III)-Y (aq) (4 36) 

H" 2+ 
aFe(III)-Y f Fe (aq) + oxidation products of Y (4.37) 

Surface complexes play a primary role in the reductive dissolution of metal 

oxides. When the ligand is a good reductant. the inner sphere surface complexes may 

also evolve to yield dissolved species through a reaction that involves reversible or 

irreversi"ble ligand to metal charge transfer followed by phase transfer of the metal ion in 

a lower oxidation state. 

The reduction of Fe(III) to Fe([I) further weakens the bond betv^een Fe and the 

bulk oxide due to the greater lability of the Fe(II)-0 bonds<'®- The reduction 

destabilizes the coordination sphere of the iron as a result of the loss of charge and 

because of the larger size of the bivalent Fe (0.078 nm vs 0.064 nm), and it thus induces 

the removal of iron as Fe(]I). 

Reduction plays a significant role in the dissolution of iron oxides in natural 

systems. The extent of the reduction process may be strongly influenced by ligand and 

proton adsorption on the surface of the soh'd. Because the reducing ligand is charged, pH 

will, through its effect on the extent of ligand adsorption, have a strong effect on the rate 

of reductive dissolution-
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Formatioa of Fe(II) via reductive dissolution can be influenced by adsorption of 

an electron donor, cadiodic polarization of an electrode supporting an iron oxide and by 

transfer of an electron from within a ternary surface complex to a surface Fe(in). 

Addition of Fe(n) to a system containing a ligand such as oxalate has proven to promote 

electron transfer via a surface complex and dramatically accelerate dissolution^'®- '0°'. 

Increasing the Fe(ll) concentration resulted in an increase in die rate of oxide dissolution 

in the presence of the complexing agent and the initial dissolution rate was found to be 

proportional to the concentration of Fe(II) concentration. 

A large number of reductants have been investigated for their ability to accelerate 

the dissolution of iron oxides. Sodium dithionate, thioglycolic acid, hydrazine, ascorbic 

acid, flilvic acid biomass and bacteria are some of the examples of the reductants 

investigated. The surface complexation constants are important in their ability to bring 

about dissolution. Adsorption of Fe(II) is a necessary step in the dissolution process. 

Only a small amount of Fe"* is required for the reaction to proceed to completion, 

because upon reoxidation of the detached Fe(II) in solution, the electron is again 

available for further interaction with the solid. In the dissolution process, the detachment 

of the Fe is likely to be rate determining, but it is possible that electron transfer is rate 

limiting step. 
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4.2.8 Chemistry of Complexation-Driven Dissolution 

The surface complexation effects often associated with the interaction of iron 

oxides with organic acids (described above) may be applicable to dissolution of scorodite 

in oxalic acid. Parallels can be drawn between the dissolution of scorodite and iron 

oxides^ since the primary dissolution reaction in scorodite (much like in iron oxides) 

likely involves oxalate ions and iron atoms on the surface. 

Dissolution of iron-oxides in oxalic acid involves the chemisorption of the 

complexing agent on the surface of the reacting solid^'"*-Dissolution studies 

of iron oxides in oxalic acid have determined that the adsorbing ion is the de-protonated 

form of oxalic acid i.e. the oxalate ion (X"*)"''^). Dissolution in iron oxides is maximum 

at pH values which provide optimum conditions in terms of the oxalate ion availability in 

solution and the nature of the surface charge on the solid. Generally, it appears in our 

studies that factors promoting the adsorption of oxalic acid favor the dissolution of 

scorodite. 

Scorodite dissolution was investigated at pH 2,3 and 5. Dissolution was found to 

be most effective at pH 3. At pH 5, studies on iron oxide (hematite*^- '°2') indicate that 

extent of oxalate adsorption is less than that at lower pH values, apparently the cause of 

the observed lower dissolution rates. At pH 2, fractionation of oxalic acid results in a 

lower concentration of the oxalate ion in solution (as a restilt of increased protonation), 

leading to a lower uptake of the ion by the solid. This is likely the cause of the observed 

lower dissolution rates. 
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The mechanism by which increasing temperature increases the dissolution rate is 

likely related to the temperature dependence of oxalate adsorption processes. For 

example, both the rate of adsorption of free oxalate on the scorodite and the rate of 

release of adsorbed iron-oxalate complexes (which comprises the dissolution reaction), 

are favored by increasing temperature. 

Citric acid is much less effective than oxalic acid in driving dissolution of 

scorodite under otherwise identical conditions. This is the case with iron oxides as 

welV^'^- The dissociated forms of citric acid are HiX", HX"" and X""*. and the 

dissolution process is initiated by the adsorption of HX"^ and X"'' species. 

Generally, the complexation-driven dissolution rate will be controlled by (A) the 

concentration of die activated organic acid (controlled by pH); (B) the complexation 

ability of these activated organic acids for the iron atom, (C) the rate of release of the 

orgam'c acid-iron complex. In iron oxides, the lesser effectiveness of citric acid vis-a-vis 

oxalic acid has been attributed to the difference in the number of the complexing ions 

adsorbed, i.e., to a combination of (A) and (B)^''*-

The size and effective shape of the adsorbing ion is also believed to determine the 

extent of adsorption. The adsorbing species must have the appropriate shape and size to 

enact appreciable adsorption coverage. Oxalic acid is known to be more suited in this 

respect, due to its smaller size (relative to citric acid). 

In this study it was established that protons, in the absence of organic complexing 

agents, were ineffective in dissolving scorodite. ft appears that proton concentration 

plays only an indirect role in scorodite dissolution in organic acid solutions. Their effect 
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relates predominantly to their impact on the rate of adsorption of oxalate or citrate anions 

(i.e., complexation). 

4.2.9 Master Curves and Affine Transformations 

A procedure, sometimes referred, to in dissolution literature as "affine 

transformation" attempts to collapse a set of dissolution curves to a single curve by linear 

scaling the time axis. The notion is that if this is possible, only R(t) is changing from 

experiment to experiment, and the functional form of S(t) is invariant as shown by 

Gorichev('°^>. 

It is important to note that if the functional forms of both S and R are changing 

during an experiment, one cannot derive activation energies in the conventional manner. 

For example, an observed increasing dissolution rate with temperature may be associated 

partly to a thermally activated reaction and partially to greater increased "cracking" of the 

material, which exposes new surface area. 

Preparing master curves for linear data is simple and involves mam'pulating the 

slope (M) of the curves. For non-linear curves, a common approach for imposing such 

transformations is to plot f as a function of t/to.s, where to.5 is the time at which ^0.5. 

Naturally, this type of analysis can be useful to tell us whether there has been a 

"topological" change in the dissolution process. 
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4.2.9.1 Master Curves for Induction Period Data 

A master curve was generated for the dissolution rate data obtained for scorodite 

during the induction period. The slope scahng factor M is listed in Table 4.3. 

4.2.9.2 AfBne Transformations on sigmoidal data 

It is useful to investigate whether series of dissolution data can be collapsed to a 

single master curve by affine transformation. A. standard means for performing such 

analysis is to linearly scale the time axis by plotting the data as a function of a reduced 

time defined as the ratio of the actual time, t, to the time taken to reach a 50% dissolution 

level, to 5- Consider data obtained for dissolution of scorodite at 0.02 M oxalic acid 

concentration, at pH 3 and temperature of 25°C, 40®C and 60°C. It is seen in Fig. 4.27 

that this transformation collapses the data reasonably well to a master curve. 

The values of to.s, which may be taken as effective time constants characterizing the 

entire extent of the dissolution process (i.e., the whole sigmoid), are given in Table 4.4. 

For an Arrhenius process, the inverse time constant would behave as 

(4.30) 



Table 4.3 Scaling factors for dissolutioa of scorodite during the inductipn period. 

pH Concentration of 
Oxalic Acid (M) 

Temperature 
(°C) 

.\I 

Concentration Series: pH 3, and 25C 

J 0.04 25 0.149 

J 0.02 25 I 

J 0.002 25 7.804 

J 0.0002 25 4.78 

Temperature Series: 0.02M Oxalic Acid and at pH 3 

3 0.02 25 1 

J 0.02 40 0.089 

'> 

J 0.02 60 0.025 

Temperature Series: 0.002M Oxalic Acid and at pH 3 

J 0.002 25 7.804 

J 0.002 40 0.594 

3 0.002 60 0.389 

Temperature Series: 0.002M Oxalic Acid andpH3 

J 0.0002 25 4.78 

J 0.0002 40 8.136 

J 0.0002 60 6.281 

pH Series: 0.002M Oxalic Acid and 25''C 

2 0.02 25 0.537 

J 0.02 25 I 

5 0.02 25 2.37 
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Table 4.4 Time constants (to s) for dissolution of scorodite in IxlO'" M oxalic acid. 

298K 313K 333F: 

to.5 83 h 32 h 13 h 

(to.5)" 0.0120 (h)-' 0.0313 (h)-' 0.0769 (h)"' 



129 

If the time constants are governed by an Arrhenius process, a plot of -ln(to,5) vs. 

T' would fall on a straight line of slope -Ea/R and intercept -ln(To). Such a plot is given 

in Fig. 4.28, and it can be seen that the data are at least consistent with Arrhenius 

behavior with a corresponding activation energy, Ea, of 10.2 kcal/mol. This activation 

energy is substantially larger than that associated with the temperature dependence of the 

dissolution rate during the induction period, indicating an increased temperature 

sensitivity of post-induction dissolution mecham'sm. As will be shown in Section 4.3. 

these post-induction processes are characterized by strongly heterogeneous pitting-type 

processes. 

Similar transformation was applied to other sigmoidal data sets, and the results 

are presented in Fig. 4.29. 

4.3 Morphological changes during dissolution 

4.3.1 Dissolution of "coarse" scorodite 

This present section relates to the characterization of the morphological evolution 

of scorodite particles over the course of substantial dissolution. As long as substantial 

dissolution occurs, the qualitative aspects of the morphological evolution were observed 

to be insensitive to system parameters. For the present purposes, we follow the 

morphological evolution under the following system parameters at pH 3, T=25°C. and 

2xlO"^M oxalic acid. 
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Figure 4.27 Affine transformations on scorodite dissolution data obtained at 0.02 M 
oxalic acid and pH 3 at 25°C (x), 40°C (0) and 60°C (O) 
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Figure 4.28 Archenius plot for dissolutioa of scorodite in 2xlO""M oxalic acid at pH 3 
and at temperatures of 25°Q 40''C and eO^C. 
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Figure 4.29 f -t/to,5 plot for scorodite dissolution in 0.02 M oxalic acid (•) and 0.04 M 

o.xalic acid (X) at pH 3 and 25 °C. 
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Fig. 4.30 is a low magnification SEM micrograph of untreated (i.e., unreacted) 

"coarse" scorodite particles. As seen in the micrograph, the scorodite powder is made up 

predominandy roundish particles, 50-75pii in diameter. Less than 3% of the population 

is comprised of particles larger than lOO^mi in diameter. The individual particles are 

polycrystalline and appear to be made up of spherulitic aggregates. 

Field emission scarming electron (FESEM) micrographs at higher magnification 

shown in Fig. 4.31 and 4.32 indicate that the core of each unreacted particL' is composed 

of pyramid shaped crystals l-5^m in length. The surface, however, is populated with 

clusters of predominantly rod-shaped crystals that appear to cover approximately 70-75% 

of the particle surface. 

In the initial stages of the dissolution of scorodite under above mentioned 

conditions, there is evidence of de-aggregation of particles. (This de-aggregation may be 

enhanced by the mechanical abrasion between particles caused by stirring during 

dissolution.) Fig. 4.33 shows a representative TEM micrograph following 24 hours of 

treatment. At this point only about 1% of the material has dissolved (f=0.0l). The 

individual particles seem relatively unafiected, and so far essentially all of the dissolution 

may have served only to de-aggregate the particles. The particle shown in Fig. 4.33 is 

essentially rod shaped, about 2tmi in length, and 0.5tmi in diameter. The particles show 

no obvious signs of heterogeneous activity. 

After 48 hours of treatment, approximately 6% scorodite dissolution was 

observed (f=0.06). Fig. 4J4 shows a representative TEM micrograph of a 3|im x LS^un 

scorouiie pariicic fotlowihg 4o uouils of ttcauiicui. A tcgioil wiiuiu ihc Squ^c ul Ftg. 
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4.34 was further magnified, and is shown in Fig. 4.35. At higher magnification, the 

particle displays noticeable signs of dissolution. Distinctive features are observed which 

indicate that the dissolution is not simply shape-preserving. It appears that the oxalate 

attacks certain preferential sites on the surface of the particle. Pits between I-IOnm in 

diameter are clearly observed on the edges (which are thinner than the rest of the 

particle). 

After 120 hours, approximately 90% of scorodite has dissolved (f=0.9), leaving 

only a small firaction of particles remaining. The corresponding TEM micrographs are 

presented in Figs. 4.36 through 4.38. The pitting, first obvious after 48 hours of 

treatment, is very prominent in samples treated for 120 hours. A few large pits of 

diameter between 10-18 nm are present. Most of the population, however, is composed 

of smaller pits which are a few nm in diameter. Careful examination indicates that the 

surface of the large pits is lined with smaller pits, i.e.. there is pitting within pits. 

Dissolution appears to progress by formation of new pits and growth of pre-existing ones. 

In a few cases the pits may grow and coalesce to form dissolution holes. 

Observations similar to the ones described above were made for scorodite 

dissolution at 2xI0'"M oxalic acid concentration at pH 3 at higher temperatures such as 

40°C and dO'C. Aggressive dissolution of scorodite was observed to coincide with 

intense pitting. 



Figure 4.30 SEM micrograph of "coarse" scorodite particles at low magnification. 
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Figure 4.31 FESEM micrograph of "coarse" scorodite particle before dissolution 



Figure 4.32 FESEM micrograph of "coarse" scorodite particle before dissolution 
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Figure 4.33 TEM micrograph of scorodite particle after 24 hour dissolution in lxIO'*M 
oxalic acid at pH 3 and 25 °C 



139 

Figure 4.34 TEM micrograph of scorodite particle after 48 hours of treatment in 2x 10' 
"M oxalic acid at pH 3 and 25 °C 
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_50iM 
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Figure 4.35 A high magnification TEM image of section of particle in the square in Fig. 
4.34 



Figure 4.36 TEM micrograph of^coarse" scorodite particle after 120 hours of 
dissolution in 2xlO'"M oxalic acid at pH 3 and 25° C 



Figure 4.37 TEM micrograph of "coarse" scorodite particle after 120 hours of 
dissolution in 2xlO'^M oxalic acid at pH 3 and 25 °C 



Figure 4.38 TEM micrograph of "coarse" scorodite particle after 120 hours of 
dissolution in 2xlO'"M oxalic acid at pH 3 and 25 °C 
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4.3.2 Dissolution of "fine" scorodite 

"Fine" scorodite prepared in our laboratories is comprised of roundish particles of 

about 30nm-50nm in diameter. Fig 4.39 shows a TEM micrograph of "fine" scorodite 

before treatment. TEM micrographs of fine scorodite following treatment for 30 hours in 

2x10'" M oxalic acid at pH 3 and at a temperature of 25 °C are shown in Fig. 4.40,4.41 

and 4.42. As with the "coarse" scorodite, the progress of dissolution appears to coincide 

with the nucleation and growth of pits. The dissolution pits are generally round in shape 

and vary between a few nanometers to 20nm in diameter. In some cases, pits may 

impinge on one another upon growth and form dumbbell shaped craters on the surface. 

In some particles, open-ended dissolution tubes or holes were present clearly indicating 

that dissolution rates perpendicular to the particle in these cases were faster than that 

parallel to the surface. 

For both types of scorodite, it appears that dissolution proceeds in a 

heterogeneous, non-shape-preserving manner. 

4.3.3 General Conclusions 

The process of relatively fast dissolution of scorodite under optimal conditions of 

oxalic acid concentration, temperature, and pH may be generalized as follows: (1) de-

aggregation of larger clusters of crystals; (2) initiation of pitting; and (3) more wide

spread pitting characterized by enlarging of pre-existing pits resulting coalescence, 

pitting within pits, and formation of dissolution holes or tubes. 
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For dissolution processes controlled by the reactable surface area, it is important 

to separate conceptually the variation in specific surface area from the variation in total 

surface area. For homogeneous, shape-preserving dissolution, for example, the specific 

surface area (e.g., in m"/gm) increases with dissolution, but die dissolution is deceleratory 

in nature because the amount of total material available is decreasing more rapidly (i.e.. 

the "gm" decreases faster than can be compensated by the increasing "m'/gm"). 

Heterogeneous process, such as pitting, however, can act to increase the specific surface 

area with sufficient rapidity that it more than compensates for the dimim'shing material, 

and acceleratory behavior may be observed. 

The process of de-aggregation of larger clusters of crystals and die dissolution 

features described above apparendy lead to a net increase in both the specific surface area 

and the total surface area of the sample during the dissolution process, resulting in in the 

observed acceleratory behavior. Eventually, however, such factors as growing pit 

coalescence and a diminishing amount of material remaining combine to decrease both 

the specific surface area and eventually the total stirface area, giving rise to the 

ultimately-observed deceleratory behavior (the inflection point indicates the cross-over). 

Surana and Warren <^"5) studied the dissolution of natural goethite in 2 M 

solutions of HCLO4, H2SO4 and HCL Dissolution curves were sigmoidal. The 

acceleratory dissolution behavior dissolution of the solids was attributed to the intense 

pitting accompanying the dissolution of the solid. In another goethite dissolution study, 

WeidIer<'o®> obtained sigmoidal curves for the dissolution of synthetic goethite at 24 °C in 
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6 M HCL He reported an increase in the surface area of the sample and the maximum in 

the surface area coincided with the inflection point of the dissolution curve. 

Crystals dissolve at microscopic sites of excess energy which may involve point 

defects, linear dislocations, kinks, edges and ledges. Dissolution of dislocations may 

result in etch pits containing a high density of edges and ledges. A large amount of 

material may be dissolved by the withdrawal of the ledges resulting in the widening and 

deepening of the etch pits, overall increasing the total area exposed to the dissolving 

medium. 



147 

Figure 4.39 "'Fine" scorodite before dissolution 
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Figure 4.40 "Fine" scorodite after 30 hours of dissolution in 2xI0*"M oxalic acid at pH3 
and a temperature of 
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Figure 4.41 "Fine" scorodite after 30 hours of dissolution in 2xlO"^M oxalic acid at pH3 
and a temperature of 25°C. 
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Figure 4.42 "Fine" scorodite after 30 hours of dissolution in 2xlO'"M oxalic acid at pH 
3 and a temperature of 25°C 
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CHAPTERS 

SUMMARY 

The objective of this dissertation was to investigate the dissolution behavior of 

scorodite in the presence of simple organic acids and to characterize the physical aspects 

of the dissolution process. Solution parameters investigated were concentration of 

organic acid, pH, and temperature. The relative effectiveness of orgnnic acids was 

demonstrated by comparison with dissolution experiments using mineral acids. The 

temporal evolution of the morphology of scorodite particles during dissolution in oxalic 

acid was examined by electron microscopy. 

5.1 Conclusions 

The rate of dissolution was influenced by temperature, pH, concenuration of 

organic acids, and particle type. Dissolution Icinetics were examined by monitoring time-

dependence of the arsenic and iron concentrations in the solution. 

It is believed that the organic acids act as complexants, enhancing dissolution by 

complexing to the Fe on exposed scorodite surfaces. 

Dissolution in the absence of complexants was extremely slow. It was 

determined that the presence of complexants (oxalic and citric acid) in solution is 

necessary for significant dissolution to occur. The observed dissolution rates increased 

with the concentration of each organic and separately with temperature. Oxalic acid was 
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observed to be more effective tiian citric acid in encouraging dissolution. The optimal 

pH for maxhnizing dissolution in oxalic acid appears to be approximately equal to 3. 

Under optimal conditions favoring dissolution, the observed dissolution curves in 

the presence of oxalic acid were sigmoidal in shape. The curves can be deconstructed 

into an initial linear region, an intermediate region of positive curvature, and a final 

region of negative curvature. The region of positive curvature indicates the presence of 

some form of auto-acceleratory process which acts to increase the effective reactable 

surface area. This effective increase is likely due to an increase in the actual physical 

surface area, possibly enhanced by the presence of an autocatalytic reaction in which the 

reaction products lead to an enhanced reaction rate. 

At low concentrations of oxalic add, the observed dissolution curves displayed 

negative curvature, i.e., was deceleratory in nature. Although such cases of low oxalic 

acid concentration result in relatively little overall dissolution, the amount dissolved still 

far exceeds cases in which no oxalic acid is present. 

The temporal evolution of the morphology of the scorodite was examined using 

electron microscopy. Electron micrographs of scorodite particles from various stages of 

the dissolution process indicate clearly that dissolution does not occur in a homogeneous 

maimer. Early stages of dissolution, i.e., in the environs of the induction process, are 

characterized primarily by de-aggregation of subunits that make up the spherelutic 

scorodite particles. 

Later stages of dissolution are characterized by the presence of etch pits and other 

^SOCiat^ wltil u^ctOgcilcOuS tcaCuGII mcCuatuSmS, Tuc fOiuiatlOn of tucSc 
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etch pits is likely associated with the fact that the scorodite surface contains some 

combination of defects (e.g., point defects, dislocations, micro-fractures, kinks, ledges, 

edges, comers) which result in surface sites with a range of energies (and thereby 

effective reactivities). Preferential dissolution at these active sites may lead to the 

formation of etch pits. 

The density of observed pits increased dramatically as dissolution progressed. 

With time, a widening of pre-existing pits and nucleation of new pits was observed. The 

pits also impinge upon each other, creating dumbbell-shaped craters. In further stages of 

dissolution, scorodite particles displayed "pitting within pits."' possibly suggestive of an 

evolving fractal morphology. 

The observed de-aggregation increases the effective surface area of the solid and 

is likely responsible for the observed onset of positive curvature (acceleratory behavior) 

in the dissolution curve. The various pitting processes also increase the effective surface 

area, and may contribute further the acceleration of the dissolution procc^s. Ultimately, 

however, the decreasing volume ("contracting core") effect intrinsically associated with 

the dissolution process dominates, leading to an inflection in the dissolution curve, i.e., a 

crossover from acceleratory to deceleratory behavior. 
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CHAPTER 6 

FUTURE WOEIK 

This work reports the dissolution behavior of scorodite in the presence of simple 

organic acids and characterizes the physical aspects of the dissolution process, including 

the temporal evolution of the morphology of scorodite particles during dissolution. 

Solution parameters investigated were concentration of organic acid, pH. and 

temperature. 

Recommendations for future work are: 

1) The chemical mechanism of dissolution of scorodite and arsenical /errihydrite in 

oxalic and citric acids needs to be established. This requires carefully analyzing 

the products of reactions. 

2) Visible light was observed to favorable catalyze the dissolution reactions. The 

effect of light on dissolution rates needs to be investigated. 

3) The impact of orgamc acids on the dissolution of naturally existing scorodite and 

arsenical ferrihydrite can be better understood by repeating the study with other 

naturally existing organic acids such as humic acids. Also, the effect of foreign 

ions on the dissolution rate of scorodite and arsenical ferrihydrite in the presence 

of organic acids needs to be investigated to understand the overall stability of 

these arsenic containing minerals in the environment. 
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