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De aqua.

Übrigens füllt sich das Meer und die Ströme und Quellen durch Zufluss

Frischen Wassers beständig, und dauerend rinnen die Bäche,

Was bedarf es der Worte? Beweis sind die Ströme, die talwärts

Überall fliessen. Doch dampfen die obersten Schichten des Wassers

Wieder empor, und das Nass läuft niemals über als Ganzes.

Denn teils fegen die Winde gewaltig die Flächen des Meeres;

Dadurch nehmen sie weg, was die himmlische Sonne dann aufsaugt,
Teils verläuft sich das Wasser auch weiterhin unter die Erde,

Wie durch ein Sieb, und der Stoff der Flüchtigkeit fliesset nun rückwärts

Wieder zur Quelle der Flüsse. Da kommet dann alles zusammen

Und ergiesset sich von da im munteren Lauf, wo die Welle

Einmal ihr Bett sich geschnitten und flüchtigen Fusses hinabhüpft.

Lukrez. De rerum natura.
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Summary
Metal contaminations in groundwater systems may present a major

environmental problem. If mobilised, metals may reach the groundwater, which

represents an important source for drinking water, or they may become bioavailable

and thus possibly toxic for plants and groundwater fauna. Therefore it is very

important to understand under which conditions they are mobilised or immobilised.

In this work, the influence of organic ligands on heavy metal adsorption

(copper, cadmium, and nickel) was studied in batch laboratory experiments using

goethite as a solid phase. On the one hand, simple organic ligands (oxalate,

pyromellitate (1,2,4,5-benzenetetracarboxylate), and salicylate), and on the other

hand a natural unfractionated DOC from an infiltration groundwater of the river

Glatt (Switzerland) were used.

Experiments were performed using untreated groundwater with DOC in its

natural concentrations (1.5 - 2.3 mg/L), and metal concentrations close to

environmental conditions. Complexation of the metals by natural ligands was

determined by voltammetric methods and by an ion selective electrode and was

described by a model defining the minimum necessary number of discrete ligands.

Complexation of copper and cadmium was described by assuming the presence of a

strong ligand with a low concentration and additional weaker ligands with higher

concentrations, whereas complexation of nickel within a limited concentration range

was described with only one strong ligand with low concentration. In the presence of

the natural ligands, copper, cadmium, and nickel adsorption was decreased at high

pH values. Metal adsorption at low total metal concentrations was suppressed, as

could be shown by adsorption isotherms at pH 7.35.

The three synthetic ligands showed quite different results. Salicylate had no

major effect on the adsorption of copper, and nickel, and only a slight enhancement

of cadmium adsorption at pH > 6 could be observed. In the presence of oxalate, the

pH adsorption edge of copper was shifted to higher pH, and nickel adsorption was

decreased at pH values above 7. Cadmium adsorption in the oxalate system was

weakly increased between pH 6 and 7. In the presence of pyromellitate, adsorption

of copper, cadmium, and nickel was stronger than expected according to the

complexation capacity of pyromellitate in solution.

Modelling of the metal-ligand-goethite systems was performed by a surface

complexation model for metal adsorption, with a double layer model for the
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electrostatic interactions, to which three modules were applied step by step. These

modules take into account competition reactions between the surface functional

groups and the aqueous ligands, electrostatic attraction of the metal by the adsorbed

ligand, and formation of ternary surface complexes of type A (surface-metal-ligand)

or B (surface-ligand-metal).

In the case of salicylate, a model including competition between surface and

solution complexation was sufficient to describe the experimental data for cadmium

and nickel, whereas ternary surface complexes of type A had to be defined for

copper. In the case of oxalate, competition between surface and solution

complexation was able to describe the cadmium data, but gave unsatisfactory results

for copper and nickel. Ternary surface complexes of type B were assumed for the

nickel-oxalate-goethite system. In the case of pyromellitate, formation of ternary

surface complexes of type B had to be included to describe the copper and cadmium

data, which is in agreement with the favourable pyromellitate structure.

Adsorption of copper, cadmium, and nickel in presence of the natural

groundwater ligands was satisfactorily described by a model considering

competition between surface adsorption and complexation by the ligands in solution

and using independently determined adsorption and complexation parameters. No

formation of ternary surface complexes with the natural ligands had to be invoked to

explain the data. Inhibition of metal adsorption appeared to be mostly due to the

presence of strong ligands at low concentrations.



Zusammenfassung
Metallkontaminationen im Grundwasser können ein grosses Umweltproblem

darstellen. Werden die Metalle mobilisiert, so können sie ins tiefe Grundwasser

gelangen, welches eine wichtige Trinkwasserressource ist, oder sie können

bioverfügbar werden, und somit toxisch für die im Grundwasser lebende

Organismen. Aus diesem Grund ist es sehr wichtig zu verstehen, unter welchen

Bedingungen sie mobilisiert oder immobilisiert werden.

In dieser Arbeit wurde der Einfluss von organischen Liganden auf die

Adsorption von Schwermetallen (Kupfer, Cadmium und Nickel) in

Laborexperimenten untersucht. Als Festphase wurde Goethit eingesetzt. Die

Experimente wurden sowohl in Gegenwart von einfachen organischen Liganden

(Oxalat, Pyromellitat (1,2,4,5-Benzentetracarboxylat) und Salicylat), als auch in

Gegenwart von unfraktioniertem organischem Material aus dem

Infiltrationsgrundwasser des Flusses Glatt (Schweiz) durchgeführt.

Die Adsorptionsexperimente wurden beim natürlichen DOC-Gehalt

(1.5 - 2.3 mg/L) im unbehandelten Grundwasser durchgeführt. Die Metall¬

konzentrationen waren ebenfalls im natürlichen Bereich. Die Komplexierungs-

eigenschaften der organischen Liganden wurden mit voltammetrischen Methoden

und ionenselektiven Elektroden untersucht und können durch ein Modell mit einer

minimalen Anzahl einzelner Liganden beschrieben werden. Die Komplexierung von

Kupfer und Cadmium durch DOC kann durch einen starken Liganden mit tiefer

Konzentration und weiteren schwächeren Liganden dargestellt werden. Die

Komplexierung von Nickel wurde in einem engen Konzentrationsbereich durch

einen starken Liganden mit tiefer Konzentration beschrieben. In Gegenwart

organischer Liganden wurde die Adsorption von Kupfer, Cadmium und Nickel

erniedrigt. Bei niedrigen totalen Metallkonzentrationen wurde die Metalladsorption

vollständig unterdrückt, wie anhand von Adsorptionsisothermen bei pH 7.35 gezeigt

wurde.

Salicylat zeigt keinen grösseren Einfluss auf die Adsorptionen von Kupfer

und Nickel, nur die Cadmiumadsorption war bei pH-Werten oberhalb 6 leicht

erhöht. In Gegenwart von Oxalat wurde die Kupferadsorptionskante zu höheren pH-

Werten verschoben; die Nickeladsorption bei pH-Werten oberhalb 7 wurde

erniedrigt. Die Cadmiumadsorption in Gegenwart von Oxalat hingegen wurde

schwach zwischen pH 6 und 7 erhöht. Die Adsorptionen von Kupfer, Cadmium und
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Nickel in Gegenwart von Pyromellitat waren höher als aufgrund der

Komplexierungseigenschaften von Pyromellitat in Lösung zu erwarten war.

Die Modellierung der Metall-Ligand-Goethit Reaktionen erfolgte mit dem

Oberflächenkomplexierungsmodell, zusammen mit dem Doppelschichtmodell zur

Berücksichtigung der elektrostatischen Wechselwirkungen, dem schrittweise

verschiedene Module zugefügt wurden. Die 3 Module beinhalten die

Konkurrenzreaktionen zwischen Oberflächenliganden und gelösten Liganden, die

elektrostatische Anziehung von Metallen durch adsorbierte organische Liganden und

die Bildung ternärer Oberflächenkomplexe des Typus A (Oberfiäche-Metall-Ligand)

oder Typus B (Oberfläche-Ligand-Metall).

Im Salicylatsystem genügte zur Beschreibung der Cadmium- und

Nickeladsorption ein Modell, das die Konkurrenzreaktionen zwischen Oberflächen-

und Lösungskomplexierung berücksichtigt, während ternäre Komplexe des Typus A

nötig waren, um die Kupferadsorption zu berechnen. Im Oxalatsystem, reichte es für

die Darstellung der Cadmiumadsorption aus, Konkurrenzreaktionen zwischen

Oberflächen- und Lösungskomplexierung zu definieren. Dies ergab aber unbe¬

friedigende Resultate im Kupfer- und Nickelsystem. Ternäre Komplexe des Typus B

für das Nickel-Oxalat-Goethit-System wurden angenommen. In Gegenwart von

Pyromellitat, das eine günstige Struktur zur Bildung von ternären Komplexen

aufweist, musste die Bildung dieser Komplexe berücksichtigt werden, um die

Kupfer- und Cadmiumadsorption beschreiben zu können.

Die Adsorption von Kupfer, Cadmium, und Nickel in Gegenwart natürlicher

Grundwasserliganden wurde anhand eines Modells, das die Konkurrenzreaktionen

zwischen Oberflächenliganden und gelösten Liganden berücksichtigt, zufrieden¬

stellend beschrieben. Für die Berechnung wurden voneinander unabhängig

geschätzte Parameter benutzt. Die Bildung von ternären Komplexen musste für die

natürlichen Liganden nicht berücksichtigt werden. Die Metalladsorption wurde

hauptsächlich durch die Gegenwart starker gelöster Liganden mit tiefen

Konzentrationen unterdrückt.
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Introduction

1.1 Motivation

Metal contaminations still present a major environmental problem, as they

are per se not biodegradable. Major sources of metal pollution on the global scale

are coal and oil combustion, mining and smelting. Furthermore high concentrations

of metals enter the aquatic system by release of industrial cooling water into rivers,

by dumping sewage sludge and by wet and dry deposition. In groundwater systems,

heavy metals are of concern, as, depending on their concentration and speciation,

they may be toxic for certain plants and groundwater fauna. Furthermore they are

undesired in groundwater, as it represents an important source for our drinking

water.

Heavy metals enter groundwater systems through different pathways, such as

infiltration of landfill leachates, river water or urban stormwater. Urban stormwater

includes roof as well as street runoff waters. Runoff waters from highways and roofs

have been shown to contain high concentrations of heavy metals (Herrmann et al.,

1994;Zobristetal.,2000).

In addition, groundwater may be polluted by heavy metals that have been

disposed off in landfills. Organic matter leaching from the landfill waste may

mobilise heavy metals (Christensen et al., 1996), which may thus become a potential

risk for the groundwater quality.

Decontamination of nuclear equipment with strong chelating ligands, like

EDTA, NTA or DTPA, is another important source for a variety of heavy metals and

radionuclides in some aquifer systems (Jardine et al., 1993). These organic metal

complexes were disposed off in shallow land burial sites and it has been shown that
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e.g., the transport of cobalt was enhanced in the presence of EDTA (Jardine et al.,

1993).

The transport of metals in groundwater and soil is governed by a number of

chemical and physical factors such as complexation by organic and inorganic

ligands, pH and redox conditons. Metals may be retained by adsorption on the

surface of soil minerals or particulate organic material and by precipitation. On the

other hand, metals may be mobilised as a result of complexation with dissolved

organic ligands. In measurements performed at different depths at an infiltration site

of roof runoff water, changes in the concentration of some heavy metals such as

copper or cadmium were mostly due to the dynamics of inflowing water (Mason et

al., 1999). By means of voltammetric methods, these metals in roof runoff were

shown to be very labile (free aqua ions or weak inorganic complexes) (Ochs and

Sigg, 1995), and they could thus react easily with either organic dissolved ligands or

surface ligands during their infiltration way. The retention of the metals in the

unsaturated zone was essentially negligible, therefore the metals were probably

mobilised by complexation with dissolved organic ligands.

It has been shown by several authors that in natural systems heavy metals are

highly complexed by organic ligands (Achterberg and van den Berg, 1997;

Christensen et al., 1999; Christensen and Christensen, 1999; Nowack et al., 1997;

Turner et al., 1998; Xue et al., 2000; Xue and Sigg, 1994 and 1998). Complexation

of heavy metals with organic ligands may account to a large extent for the

mobilisation of heavy metals (Davis and Leckie, 1978; Jacobs et al., 1988; Plavsic et

al., 1980; Turner et al., 1998). If metals are mobilised, they may become

bioavailable and thus become toxic to some organisms, or reach the deep

groundwater, which is often used as drinking water.

In contrast to the above mentioned studies, other authors have observed

immobilisation of heavy metals in the presence of organic ligands due to formation

of ternary complexes (Ali and Dzombak, 1996; Bourg et al., 1979; Bourg and

Schindler, 1979; Ludwig and Schindler, 1995; Nowack and Sigg, 1996; Schindler,

1990; Tippingetal., 1983).

Despite these studies, the conditions necessary for either mobilisation or

immobilisation ofheavy metals in an infiltration groundwater system are still poorly

understood. Most studies have been performed in laboratory systems at elevated

metal concentrations in the presence of treated natural ligands which can explain

reactions in natural systems only in an unsatisfactory way. The aim of this study was

to analyse how natural and simple organic ligands could influence heavy metal
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adsorption under different pH conditions. Of special interest was the effect of

natural groundwater organic ligands at ambient conditions, i.e., unfractionated

organic material at its natural concentrations was used. For comparison, similar

experiments have been performed with simple organic ligands. By combination

different models, possible interactions of organic ligands and heavy metal cations in

a natural system could be evaluated. Of special interest were competition reactions

between the ligands in solution and the surface groups to complex the metal and

whether the formation of ternary complexes was possible.

1.2 System Definition

The investigated system contained a metal cation, a simple organic ligand or

a natural groundwater mixture, and a solid phase surface.

• Metal cations: cadmium, copper, and nickel were chosen. Their strong

complexation by both surface and solution ligands make them well suitable for

the study ofcompetition reactions between surface and solution complexation.

• Organic ligands: either natural unfractionated groundwater DOC from

Glattfelden, Switzerland, or simple organic molecules representing the

complexation properties of natural organic ligands (oxalate, salicylate, or

pyromellitate) were used.

• Surface: goethite (oc-FeOOH), a crystalline iron oxide, was selected to study

adsorption reactions, as it occurs widespread in natural soils and groundwater

systems. It has been shown that iron oxides represent an important part of the

sorbents in natural soils (Schwertmann and Cornell, 1991).

1.3 Objectives and Overview

The goal of the work is to quantify adsorption of copper, cadmium, and

nickel on goethite in the presence of natural organic ligands by simple models. In

order to understand reactions in natural systems, experiments have to be performed

as close as possible to natural conditions. This means in our situation that it was

very important to use the organic ligands exactly as they were present in the natural

groundwater, i.e., unfractionated and at the same concentrations. This implied that

metal concentrations were also close to environmental conditions in order not to
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saturate the organic ligands. Altogether simplifications have to be made to such

complicated systems in order to get results that can be interpreted. This implied

working in well defined batch laboratory system using a well-characterized solid

surface. Furtheron little is still known about exact structure and behaviour of natural

organic ligands, therefore similar metal adsorption experiments have been

performed in the presence of simple organic ligands. In these systems, metal

adsorption could be modelled in more detail and by comparison of these results with

those in the natural system, it was possible to understand certain interactions in the

natural system. Therefore the thesis is divided into two parts:

• studies with simple organic ligands (oxalate, salicylate, and pyromellitate

( 1,2,4,5-benzenetetracarboxylate))

• investigation with natural unfractionated groundwater DOC at

environmental concentrations

In chapter 2, the most common adsorption models are described and

compared. It is shown how these models have been used in literature. Adsorption

modelling of the metal cations (copper, cadmium, and nickel) and of the simple

organic ligands on goethite, as used in this study, are described.

In chapter 3, a brief description of the solid phase will be given. Goethite, a

crystalline iron oxide, was used in our adsorption experiments.

In chapter 4, metal adsorption experiments in the presence of simple organic

ligands are described. Modelling of metal adsorption was performed by starting with

a simple model, which was refined by adding step by step possible interactions of

organic ligand with metal adsorption till the calculated curve could describe the

experimental one. With this method, the different possible influences of the ligands

on metal adsorption could be distinguished separately and could mostly be explained

by their proprieties, such as acidity, complexation capacity and adsorption

behaviour.

In chapter 5. metal adsorption in the presence of an unfractionated natural

infiltration groundwater DOC in the original matrix was analysed. The

concentrations used of DOC and of the metals were close to environmental

conditions. All adsorption experiments could be described by the combination of a

surface complexation model and a complexation model in solution. To achieve this

task, the complexation of copper, cadmium, and nickel by the natural infiltration

groundwater was determined by voltammetric methods and ion selective electrodes.
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Chapter 6 contains the conclusions of the whole work. The influence of the

natural ligands and the simple ligands will be compared. Furtheron the influence of

organic ligands on the adsorption of heavy metals in different groundwater systems

will be discussed.

1.4 Short Description of the Adsorbates

1.4.1 Copper

Copper is used in numerous industrial applications (Nriagu, 1989), e.g., for

windings of generators. Due to its high chemical resistance and its high thermal

conductivity, copper has become a useful metal for condensers in chemical plants

and for car radiators. Copper tubing is widely employed in plumbing. Furthermore

copper is a very important material in certain countries in the construction of roofs.

Copper(II)sulphate is used for the preparation of fungicides, in textil dyeing, as

timber preservative, and in electroplating solutions. Copper has contraceptive

effects, when present in the uterus (Irwin et al., 1997).

Copper is listed by the Environmental Protection Agency (EPA) and the

European Union (Amtsblatt der Europäischen Gemeinschaften, 1999; Internationale

Kommission zum Schutze des Rheins (IKSR), 1992) as one of 129 priority

pollutants. The main anthropogenic sources for atmospheric pollution include

emissions from mines, smelters, and municipal waste incinerators as well as burning

of coal. About 35-10 t/year copper were emitted from man-made sources to the

atmosphere (Nriagu and Pacyna, 1988). Natural sources amount to 28-103 t/year and

include mainly soil dust, forest fires, and volcanoe emissions (Nriagu, 1989).

Introduction of copper into the hydrosphere and the pedosphere occurs through

waste waters of mines, its use as an antifouling agent in paints and its application in

agriculture as fertilizer, algicide or fungicide. Another important input are human

and animal excreta (World Health Organization, 1998), as well as roof runoffs,

which originated from copper used in roofs and in drain gutters. Concentrations in

roof runoffs ranged from 20-324 ug/1 copper (Mottier et al., 1995). Besides these

direct inputs by man, atmospheric deposition plays a major role in the contamination

of these compartments. The total anthropogenic input into aquatic ecosystem

amounts to 112-103 t/year and into soils to about 106 t/year (Nriagu and Pacyna,

1988).
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The electronic configuration of copper is [Ar]3d 4s. Cu belongs therefore

to the transition metal cations and can bind to ligand sites containing oxygen, sulfur,

or nitrogen atoms (Stumm and Morgan, 1996). In fresh waters, copper is normally

present in the oxidation state +11. Cu(I) is only stable if stabilised by ligands such as

chloride (Libes, 1992) or under reducing conditions.

In a groundwater system, the distribution of copper is influenced by a number

of factors, such as pH, type and distribution of organic matter, redox potential, and

presence of mineral oxides. In natural systems, copper is mainly bound to organic

ligands (Xue and Sigg, 1993, 1999) or adsorbed on mineral oxide surfaces. Acidic

conditions and strong non-adsorbing ligands favour the transport of copper into

groundwater.

Minute amounts of copper in the diet are needed for human, plant, and animal

enzymes. Copper is the prosthetic element of more than a dozen specific copper

proteins (National Research Council, 1977). Toxicosis due to copper is avoided at

low to moderate concentrations in genetically normal individuals as most of the

copper only acts through specific copper proteins. Such a metal-protein complex

reduces the concentration of free copper ions throughout the body and thus avoids

the toxicity that is inherent in free copper ions (Nriagu, 1979a). In patients with

Wilson's disease, copper steadily accumulates, first in the liver and then in other

parts of the body. Damage, particularly evident in the liver and central nervous

system, is ultimately fatal (National Research Council, 1977).

1.4.2 Cadmium

Cadmium is used in metal plating, in batteries (Ni-Cd-battery), television

tubes, solar cells, fungicides, as a stabilizer in PVC, and as pigments in plastic and

glasses.

Cadmium acts as a cumulative poison and is listed among the 129 priority

pollutants by the Environmental Protection Agency (EPA) and the European Union

(Amtsblatt der Europäischen Gemein-schaften, 1999; Internationale Kommission

zum Schutze des Rheins (IKSR), 1992).

Volcanic emanations can account for 40-50% (Nriagu, 1989) of the cadmium

emitted annually (totally 0.96 t/year) (Nriagu, 1979b). The main anthropogenic

sources (~7 t/year) are due to combustion of fossil fuel and coal, and liberation

during smelting and refining of various ores. Non-ferrous metal mines represent a

major source of cadmium released to the aquatic environment (Nriagu and Pacyna,
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1988). Contaminations can arise from mine drainage water, waste water from ore

processing, overglow from the tailings pond and rain water runoff from the mine

area. Atmospheric fallout represent 20-40% of the input of cadmium into fresh water

and marine systems (Nriagu and Pacyna, 1988). Solid wastes disposed off in landfill

sites result in large input of cadmium into soils. Other important inputs are the

application ofphosphate fertilizer and municipal sewage sludge.

Much of the cadmium entering fresh waters is rapidly adsorbed by particulate

matter, where it may settle. This can result in low concentrations of dissolved

cadmium even in fresh waters that receive high concentration of cadmium. In other

conditions, cadmium may remain suspended. In this case, it can be transported

considerable distances from the source, e.g., in Japan, in several areas, soils have

been contaminated with irrigation waters up to 50 km from the source (World

Health Organisation, 1992 a).

The electronic configuration of cadmium is [Kr]4d105s2. Therefore Cd2+

belongs to the B-type metal cations, the soft cations, i.e., it prefers to bind to ligands

containing sulfur and nitrogen atoms (Stumm and Morgan, 1996). Its place in the

periodic table is between zinc and mercury (group IIB), and it has many properties

in common with these elements (Greenwood and Earnshaw, 1985).

In the absence of precipitating anions like phosphate, sulphate, or carbonate,

Cd(II) is available for sorption onto suspended material and complexation with

organic matter. It forms moderately stable complexes with a variety of organic

compounds. Binding of cadmium to humic substances from sea, river, and lake

waters follow in general the Irving-Williams series of stabilities of chelates (Moore

and Ramamoorthy, 1984).

Cadmium toxicity became famous with the Itai-Itai disease in Japan. This is a

bone disease with marked decalcification accompanied by severe pain. Cadmium

toxicity was shown to have occured by eating cadmium polluted rice (Nriagu, 1981).

The main symptoms of acute occupational cadmium poisoning are related to the

respiratory system. It causes problems for the kidneys (Nriagu, 1981).

1.4.3 Nickel

The main uses of nickel lie in alloys such as stainless steel, copper-nickel-

zinc alloys known as German silver or nickel silver, and other corrosion resistant

alloys. A nickel alloy used in more than 140 countries in coinage contains about
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25% nickel and 75% copper. The first pure nickel coin was issued in Switzerland in

1881 and since then more than 100 countries have used this metal in their coins

(Nriagu, 1980). Pure nickel is used in electron tubes and in the galvanic industry,

where many objects must be coated with nickel before they can be chromium plated.

Furthermore, it is an important catalyst for hydrogénation of organic substances,

e.g., vegetable oils.

Nickel is listed by the Environmental Protection Agency (EPA) and by the

European Union (Amtsblatt der Europäischen Gemeinschaften, 1999; Internationale

Kommission zum Schutze des Rheins (IKSR), 1992) as one of 129 priority

pollutants. In most urban settings, nickel concentrations are usually elevated at least

4 times above background levels (National Research Council, 1975).

About 43-106 kg/year nickel are emitted from man-made sources into the

atmosphere (World Health Organisation, 1991). The main anthropogenic sources for

emission into the atmosphere are oil combustion, municipal incinerators, and nickel

mining and refining. The main natural sources to the atmosphere are soil dust and

volcanoe emissions (26-106 kg/year) (Nriagu, 1980). Nickel is found as a constituent

in most meteorites and often serves as one of the criteria for distinguishing a

meteorite from other minerals (Nriagu, 1980). Nickel is introduced into the

hydrosphere by wet and dry atmospheric deposition, by surface runoff in urban

areas, by discharge of industrial and municipal waste, and as a result of natural

erosion of soils and rocks (World Health Organisation, 1991). The anthropogenic

input of nickel into the aquatic environment amounts to about 113-106 kg/year

(Nriagu and Pacyna, 1988).

The electronic configuration of nickel is [Ar]3d84s2. The cation Ni2+ belongs

to the transition metal cations and can therefore bind to ligand sites containing

oxygen, sulfur, or nitrogen atoms. According to the Irving-Williams series, nickel

complexes are less stable than copper complexes (Stumm and Morgan, 1996). It can

also form quite stable complexes with inorganic ligands such as halides, sulphates,

phosphates, carbonates, and carbonyls (Moore and Ramamoorthy, 1984).

In freshwaters, nickel is mainly transported in the form precipitated coatings

on particles and in association with organic matter. It may be adsorbed onto clay

particles and other minerals and may be taken up by biota.

Nickel is an essential trace element for the nutrition ofman and animals. Man

normally ingest nickel in food and water at an estimated 300-600 ug/day. There is

evidence that nickel is associated with proteins, amino acids, and possibly nucleic

acids (National Research Council, 1975). Nickel deprivation has an effect on body
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weight, reproductive capability, viability of offspring, and induction of anemia

through reduced absorption of iron. Inhalation of nickel carbonyl, Ni(CO)4, has

shown to be carcinogenic (National Research Council, 1975). Nickel present in

asbestos may possibly contribute to the carcinogenicity associated with asbestos

inhalation in man (National Research Council, 1975). Nickel was a common source

of chronic dermatitis in man, as a result of industrial and other exposures such as

jewelry (National Research Council, 1975).

1.4.4 Organic ligands in freshwater systems

Besides the natural organic matter (NOM), also anthropogenic ligands like

EDTA, NTA, or residues from pesticides can be found in a freshwater system.

The production of NOM is very complex and not yet well understood.

Generally it can be said that NOM originates from degradation of higher plants by

bacteria and fungi (mainly pedogemc NOM) or by decomposition of plankton and

aquatic bacteria (aquagenic NOM) (Buffle, 1988; Stevenson, 1982).

Usually, NOM is separated into different fractions to work with. The most

common method is shown in Fig. 1.1 (Leenheer and Huffman, 1976; Thurman,

1985). A XAD resin is used for the fractionation: organic substances that adsorb

onto the resin at pH 2 are termed hydrophobic or humic substances (HS), those that

do no adsorb are hydrophilic. Humic acids are humic substances that are precipitated

at pH 1, whereas fillvie acids stay in solution at this pH value.

NOM

not retained

Adsorption at pH2 on a

non-ionic XAD-resin

retained

Desorption from

the resin with 0.1 M

NaOH

Hydrophilic acids Humic substances

pH=1

no precipitation

Fulvic acids

Fig. 1.1: Fractionation ofNOM

precipitation

Humic acids
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It is essentially impossible to determine a unified structure for HS or

hydrophilic acids. They present a complex mixture of (macro)molecules with a

composition that changes over time and space. For example, it has been shown that

dissolved organic carbon in groundwaters is more hydrophilic than in surface

waters. The longer residence time of organic matter in groundwater results in

hydrophobic substances being either sorbed onto the aquifer solids or degraded into

simpler organic acids by bacteria present in the aquifer (Aiken et al., 1985). In

general, ground water HS contain less oxygen than fresh surface water HS (Aiken et

al., 1985). As the carboxyl content is about the same for both groups, oxygen

depletion must occur in other functional groups such as carbonyls or hydroxyIs.

Groundwater HS are less coloured than surface water HS, i.e., they contain fewer

chromophores such as aromatic rings and phenolic functional groups. This is

consistent with the fact that they are more aliphatic (Aiken et al., 1985).

In general, the following statements for the structure of humic and fulvic

acids can be made: humic acids have a molecular weight of 2000-5000, whereas

fulvic acids are of smaller molecular weight (about 500-2000) (Aiken et al., 1985).

The relative amount of aromatic carbon is larger in humic acids compared to fulvic

acids. Fulvic acids have in general a larger amount of total acidity and a higher ratio

of carboxyl to phenolic groups. In connection with this, a higher O/C ratio for fulvic

acids is usually found than for humic acids. Leenheer and co-workers have shown

that a major part of the strong acidic groups in fulvic acids (pKa values around 2)

can be represented by aliphatic carboxylic groups (Leenheer et al., 1995 a and b). In

addition fulvic acids have a smaller total C-, and a larger N- and S-content.

Only few studies have dealt with hydrophilic acids. They are thought to be

similar to humic substances with lower molecular weights, and a more carboxylic

and hydroxylic character (Aiken et al., 1985; Thurman, 1985).

Generally it is assumed that metal ions form complexes with the functional

groups of humic substances. The most important complexing moieties are the

carboxylic and phenolic groups, but also nitrogen and sulphur containing functional

groups have been identified (Buffle, 1984; Stevenson, 1982). Complexation

constants of transition metals correlate rather well with hydroxide and carbonate

stability constants of the metals (Turner et al, 1998). For example, Cu(II) forms

readily complexes with hydroxides and carbonates and is therefore most likely to

form complexes with fulvic and humic acids. The sorption affinity follows in

general the Irving-Williams series (Stumm and Morgan, 1996):

Mn2+ < Fe2+ < Co2+ < Ni2+ < Cu2+ > Zn2+
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At very low metal concentrations, binding mainly occurs at sites which have

a high and specific affinity. With increasing metal concentrations, the complexation

sites get occupied according to their complexation strength. In many natural waters

the complexation groups with the weakest affinity represent the highest fraction.

To represent the complicated complexation behaviour of humic substances,

different models have been developped:

• Discrete site modes: Typically 2 to 5 different ligands are defined, each with

its own concentration, complexation and acidity constants (Cabaniss and

Shuman, 1988 a and b; Tipping, 1994; Tipping and Hurley, 1992). To

describe the dependence of the complexation behaviour on the ionic strength,

electrostatic effects have to be considered. Examples for this are given in the

WHAM (Windermere Humic Aqueous Model) model of Tipping (Tipping,

1994; Tipping and Hurley, 1992) and in the oligoelectric model of Bartschat

et al. (1992).

These models have the advantage that they can be easily used in common

speciation programmes, as ChemEQL (Müller, 1996) or FITEQL (Herbelin

and Westall, 1994) to describe the complexation of heavy metals by humic

and fulvie acids.

• Continuum models: A continual distribution of binding sites having varying

pK values and different complexation constants is assumed. The probability

that the complexation constants are in a certain range is estimated (Buffle and

Altmann, 1987). An example is the NICA model (Non Ideal Competitive

Adsorption model) (Benedetti et al., 1995). In this model, two types of

functional groups, representative of carboxylic and phenolic groups, are

defined. For both groups, a mean complexation constant with a distribution of

constants around this value is assumed. To describe the complexation

behaviour of the different cations, it is taken into account that the different

metal ions do not experience the same interactions with the ligand (Koopal et

al., 1994). This model was improved by considering electrostatic effects

(Benedetti et al., 1996). A detailed description of other continuum models can

be found elsewhere (Allison and Perdue, 1994; Dobbs et al., 1989; Susetyo et

al, 1991).

The advantage of this kind of model is that they can better represent the

physical reality of the complex natural structures as they represent a

distribution of complexation constants.
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1.5 Interactions of Ligands and Major

Cations with Heavy Metal Adsorption
In the absence of competing ligands and cations, metal adsorption onto

(hydr)oxide surfaces is described by the typical pH adsorption edge which means

that adsorption is strongly increased in a very narrow pH range. The adsorption in a

system without ligands and competing cations is considered as the reference system.

However, the presence of cations and anions can affect the adsorption of

heavy metals onto goethite in different ways.

Increased Heavy Metal Adsorption compared to the

reference system
This would be expected mainly at low pH values and may be due to:

• Electrostatic interactions (Fig. 1.2)

At pH values below pHpzc, the

surface is positively charged.

For example, if a negatively

charged ligand is adsorbed on

the surface, it may induce a

charge reversal on the surface

and thus may electrostatically Figm L2: Electrostatic interactions on the

attract positively charged surface.

copper cations.

Above described mechanism may also work with anionic organic ligands (Tipping

and Cooke, 1982).

• Formation ofternary complexes

Ternary complexes are defined as coadsorption of a metal cation and a ligand anion

on the same surface site. Two types of ternary complexes can be distinguished (for

more details see chapter 2).

In Fig. 1.3, the adsorption of a ternary complex type B is represented

schematically. Organic ligands preferentially adsorb at low pH values. If these

organic ligands have more than one complexing functional group, they can react

with surface ligands with one group and can complex a metal cation on the solution

side with the other group. This complexation capacity can be estimated by
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considering the complexation behaviour in solution. However, some authors have

argued that the complexation by an adsorbed ligand is smaller than that in solution

because of steric effects on the surface. Other authors have reported that an electron

transfer of the adsorbed ligand to the surface can enhance its complexation

properties.

At pH values, where metal cations preferentially adsorb, formation of

ternary complexes of type A is possible (Fig. 1.3).

Fig. 1.3: Formation ofternary complexes oftype A and type B

Decreased heavy metal adsorption compared to the

reference system
This would be expected at higher pH values where almost 100% of the heavy

metal are adsorbed in reference experiments. Again, two possibilités for decreasing

adsorption can be distinguished.
• Competition reactions with other cations

In a groundwater matrix, competition of

heavy metals with e.g., Ca or Mg may occur.

The concentration of calcium, for instance, is

usually several orders of magnitude higher
than that of heavy metals like copper,

cadmium, zinc, lead, or nickel. The

adsorption of calcium, although weaker than

that of heavy metals, may block surface sites Fig. 1.4: Competition reactions of
and thus decrease because of its high copper with calcium adsorption

concentrations heavy metal adsorption

(Fig. 1.4).
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• Complexation ofheavy metals in solution

Various ligands can complex heavy metals

in solution. If this complex is unable to

adsorb, i.e., formation of ternary

complexes is not likely to occur, heavy

metals are mobilised. For example, such

mobilisation was observed for mercury

with chloride (Behra, 1986) or for copper

with humic acids (Tipping et al., 1983)

(Fig. 1.5).

Fig. 1.5: Complexation reactions in

solution by a chelating agent

A combination of these different mechanisms is often observed. For instance,

Nowack and Stone (1999) found reduced adsorption of copper and zinc on goethite

in the presence of phosphonates. However, according to the surface complexation

model developed, the reduction in metal adsorption should have been more

pronounced. Simultaneous formation of ternary complexes may account for this

difference in adsorption.



2

Modelling of Adsorption
Reactions at Mineral Surfaces

2.1 Introduction

Different kinds of models have been developped to quantify the key

parameters of adsorption reactions.

• Physical models

These purely physical models only take into account physisorption and

chemisorption. They have a foundation in statistical thermodynamics. The best

known are the Langmuir type isotherm, BET type isotherm, and the Freundlich type

isotherm (Morel and Hering, 1993; Stumm and Morgan, 1996). The advantage of

these models is that they are easy to use and that an adsorption constant and the

number of surface sites of the solid can be estimated. The disadvantage is that they

give no chemical mechanistic information and that the determined coefficients are

only applicable to the conditions at which they were determined.

Electrostatic interactions can be taken into account by the Gouy-Chapman

relationship or by the Stern models (Davis and Kent, 1990; Stumm and Morgan,

1996; Westall and Hohl, 1980).
• Classical Surface Complexation Models (SCM)
Their origin is the inorganic complexation theory. In these models, adsorbing
cations and anions are supposed to form surface complexes with the reactive >OH

groups of (hydr)oxides (Stumm, 1987). In order to calculate the intrinsic adsorption

constants, the electrostatic effects caused by these surface reactions have to be

estimated by models. These differ in how the solid-water interface is described by
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planes within the double layer in order to simulate the distribution of the surface

charges and then the surface potential. The most common electrostatic models are

the Constant Capacitance Model (CCM), the Double Layer Model (DLM), and the

Triple Layer Model (TLM) (Brown, 1990; Stumm, 1987; Stumm, 1996; Stumm and

Morgan, 1996)

• Multi Site Complexation Models

In above models surface sites have been considered to be independent on the

structure of the crystal. But recent spectroscopic studies have rejected this

simplification (Nagashima and Blum, 1999; Weidler et al., 1996), which has led to

the definition of the MUSIC model. In addition all ions were classically represented

as point charges, which did not allow to account for all electrostatic effects. That is

why the concept of charge distribution was developed with the MUSIC model

(Hiemstra, 1996). The recently developed model, the charge distribution-multi site

complexation model (CD-MUSIC), takes into account this additional information

(Hiemstra et al., 1989 a, b).

The aim of this chapter is to describe the most used models for adsorption

reactions on mineral surfaces, and to show how these models have been used in

literature to describe the adsorption reactions of copper, cadmium, nickel, oxalate,

salicylate, and pyromellitate on goethite. The adsorption constants of metal or ligand

adsorption on goethite in the reference systems as needed in chapters 4 and 5 will be

determined by parameter estimation with the SCM using the DLM model for

electrostatic interactions. Furtheron it will be discussed on the basis of the pH

adsorption edge of copper on goethite, how the use of different models affects the

intrinsic adsorption constant. It will be shown that constants defined with one model

cannot be used for calculations with another model.

2.2 Adsorption Isotherms

The discussion will be restricted to the Langmuir type isotherm. The typical

shape of such an adsorption isotherm is given in Fig. 2.1. Three assumptions are

made in this model. First, the adsorbed molecules are forming a monolayer on the

surface, which means that once a certain concentration of metal has adsorbed on the

surface, a saturation is reached. This concentration corresponds to cmax, the number

of surface sites available. Secondly, equal energy for all surface sites is assumed,
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which means concretely that all surface sites are assumed to react equally. Thirdly,

adsorption is considered to be independent of surface coverage, which means that no

interactions between the sorbed molecules are take into account.

The expression for the Langmuir type isotherm is derived from the mass

balance for surface sites and the mass action law (Eq2.1) (Stumm and Morgan,

1996):

c, =c„

where:

l + KL-cw

cs:

cw.

KL:

Cmax-

[2.1]

adsorbed metal concentration on the surface [mol/g]

concentration of metal in solution [M]

Langmuir type adsorption constant [M"1]
maximum metal concentration that can be adsorbed on

the surface [mol/g]

metal in solution [M]

Fig. 2.1: Langmuir type adsorption isotherm

The most common linearisation is the following (Eq 2.2):

1 l
l

1

c. Cmax
' -^1 Cw

1

• + - [2.2]

From intercept and slope, cmax and KL can be estimated.

There is no difference between a Langmuir constant and an apparent surface

complexation constant at constant pH. A Langmuir constant defined at a certain pH

value can be used as conditional constant in the surface complexation models.

The advantage of such models is that they are easy to use and that they allow

an estimation for the conditional adsorption constants and the number of surface

sites. The Langmuir type isotherm can describe surface complexation mechanisms,

but the disadvantage is that no detailed chemical reactions can be included in these
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models. The Surface Complexation models, presented next, try to take into account

chemical reactions.

2.3 Classical Surface Complexation Models

2.3.1 Adsorption Reactions of Metal Cations and Organic

Ligand Anions

The surface ligands responsible for adsorption reactions are supposed to be

amphoteric groups, mainly >OH surface groups, i.e., in acidic conditions, there is

formation of >OH2+ and at high pH-values formation of >0" groups on the surface

(Stumm, 1996) (Eq 2.3):

= s-oh;& =S-OH+H+
[2.3]

= S-OH& =S-0~+H+

Anions and cations can adsorb by forming either innersphere or outersphere

complexes with these amphoteric surface groups. Innersphere complexes form a

direct coordination bond with a surface functional group. This means that the ion

that binds coordinatively to the surface will only be partially affected by

electrostatics, and will be minimally susceptible to small differences in surface site

density and distribution of surface charge. In contrary to this, outersphere complexes

form ion pairs with the surface and thus their binding is coulombic and more

susceptible to differences in site density and distribution of surface charge. The

biggest difference between inner- and outersphere complexes lies in the fact that

innersphere coordination affects the orbital of the coordinated metal ions and is

therefore more sensitive to be detected with spectroscopic methods (Schindler,

1990).

Spectroscopic measurements gave ample evidence that most heavy metal ions

adsorb innerspherically (Brown, 1990; Schindler, 1990). Metal cation adsorption in

the surface complexation modelling approach is often defined to be monodentate

according to Eq 2.4:

= S-OH+Me2+ <=> =S-0-Me+ +H+ [2.4]

The metal adsorption is strongly pH dependent presenting typically a steep

pH adsorption edge (Stumm, 1987; Stumm and Morgan, 1996): at low pH values

small concentration of metals are adsorbed, and at high pH values a high amount of
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metal is adsorbed. At low pH values, there is no adsorption because of the

competition of metal cations with protons for surface sites. Typical adsorption

constants, as they were defined in the literature, are reported in Tab. 2.1.

The general equation for the organic ligand anion adsorption is given in

Eq2.5:

= Fe-OH+Lm~ a =Fe-L(m-iy+OH- [2.5]

Organic ligands adsorb more extensively at low pH values with decreasing

adsorption at increasing pH. Modelling results for adsorption of oxalate, salicylate,

and pyromellitate on mineral surfaces, as described in the literature are given in

Tab. 2.2.

In a system containing both organic ligands and metal cations, competition

reactions between them may occur, or formation of ternary complexes is possible.

Ternary complex formation can be seen as coadsorption of metal cations and organic

molecules onto the same mineral surface site. Two types of ternary complexes can

be distinguished: type A (surface-metal-ligand) (Eq 2.6) and type B (surface-ligand-

metal) (Eq 2.7).

Type A: = S-OH+Me2++ L~ ^ =S-0-Me-L + H+ [2.6]

TypeB: = S -OH+ Me2+ + U + H+ <=> = S - L- Me2+ + H20 [2.7]

The pH dependence for the formation of type A ternary complexes is metal¬

like. Their formation occurs mainly at higher pH values and it enhances the

adsorption of organic ligands. Type A ternary surface complexes can as well

enhance metal adsorption, especially in the presence of 7i-acceptor ligands. These

ligands draw the electron density from the d-orbitals of the metal ion, and the

positive charge on the metal ion is enhanced. Bourg et al. (1979) and Bourg and

Schindler (1979) could explain an elevated copper adsorption on silica in the

presence of 2,2'-bipyridine by assuming 2 ternary complexes of type A.

Formation of type B ternary complexes enhances the adsorption of metal

cations at low pH values. Adsorption of multi functional organic anions onto

positively charged surfaces creates additional sites for metal cation adsorption on the

surface. This adsorption of metal organic complexes is ligand-like.



Table 2,1: Literature values ofadsorption constants as calculated with surface complexation models ofcopper, cadmium, and nickel on

goethite. The models usedfor the electrostatic interactions are precised in the table.

Metal Reference Surface equations Model log Kads

Coughlin

and Stone,

1995

= Fe-OH+Cu2+ ^ = Fe-0-Cu+ + H*

Copper

Ali and

Dzombak,

1996

Robertson,

1998

= Fe-OH+Cu2+ ^ = Fe-0-Cu+ +H+

= Fe-OH+Cu2+ t=> =Fe-0-Cu+ +H+

= Fe-OH+ Cu2+ +H20^> = FeO - CuOH + 2H+

2 = Fe~OH+Cu2+ o = (Fe-0)2 -Cu+ + 2H+

TLM1[i]

G-

TLMt2]

DLM[3]

2.5

2.21

3.08

-5.15

-2.31

Cowan et

al., 1991
= Fe-OH+Cd2+ ^ = Fe-0-Cd+ + H+

Cadmium
Gunnerius-

son, 1993

= Fe-OH+ Cd2+ ^ = FeOHCd2+

= Fe-OH + Cd2+ <^> = FeOCd+ +H+

= Fe-OH + Cd2+ d = FeOCdOH + 2H+

TLMtl]

CCM[4]

W

1.9

6.43±0.05

-2.22±0.05

-12.01±0.08

Nickel
Bryce et al.,

1994

llJ: Triple Layer Model

pl: Generalized Two Layer Model
'

.
Double Layer Model

[4]: Constant Capacitance Model

= Fe-OH + Ni2+ ^ = FeO- Ni2+ + H+

(mineral = HFO)

DLM 0.87



Table 2.2: Literature values ofadsorption constants as calculated by surface complexation models ofoxalate, salicylate, and

pyromellitate on goethite. The models used to correctfor the electrostatic interactions are listed in the table.

Ligand Literature Surface equations Model logKads

Oxalate

Mesuere
= Fe-OH+ Ox2~ + 2H+ ^ = Fe-Ox-H + H20

and Fish, = Fe-OH + Ox2' + H+ <^> = Fe - Ox~ + H20
1992

= Fe-OH + Ox2' <=* = Fe-O-Ox3' + H+

DLM[1]

Mesuere

and Fish,

1992

= Fe-OH+ Ox2~ +H+ <=> = FeOH+2--Ox

= Fe-OH+ Ox2' + 2H+ <^> = FeOH*

2-[4]

HOx'W
TLM[2]

15.7

9.1

-5.9+0.1

11.5±0.1

17.7±0.2

Salicylate
Nilsson, =Fe-OH+ HSaF <^> = Fe - Sal' + H20

1995
= Fe-OH+HSaF+H+ <=> = Fe-OH\ ••• HSaFw

E-CC[3]
6.34

0.69

2[S FeOH05~]{m} + Pyr4~+2H+ <=» [(S FeOH°25+)2 -Pyr4~]{m]
Pyromellitate

B°Üy 6t
[= FeOH05-lm] + Pyr"' + 3H+ «=» [a FeOH^ - H2Pyr2-]{m]

al., 2000 l '

2[s FeOH05~]{m} + PyrA~ + 2H+ O [(= Fe2)Pyr-){m] + H20

TPM[5]

20.88±0.06

19.91±0.08

13.86±0.2

llJ: Double Layer Model
[21: Triple Layer Model

[31: Extended Constant Capacitance Model

[41: Outer Sphere Complex
[5J: Three Plane Model. The surface complexation model used with this model was the multisite complexation model (MUSIC).
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Tab. 2.3: Examples ofternary complexformation in different system

Reference Type Minerai Metal Ligand

Davis and Leckie, B amorphous copper glutamic acid

1978 B iron oxide copper pyrazinedi-

carboxylic acid

B silver thiosulphate

Bourg et al., 1979a A silica copper 2,2'-Bipyridyl

Benjamin and Leckie, A different oxide cadmium chloride

1982 A surfaces cadmium sulphate

B cadmium thiosulphate

Dalang et al., 1984 B kaolinite copper fulvic acids

Lövgren, 1991 A goethite aluminum phtalic acid

Zachara et al., 1994 B subsurface

mineral

cobalt leonardite humic

acid

Tiffreau et al, 1995 A HFO mercury chloride

Boily and Fein, 1996 B a-Al203 cadmium

cadmium

citric acid

Ali and Dzombak, B a-FeOOH copper chelidamic acid

1996 copper phtalic acid

Nowacketal., 1996b B goethite different EDTA

B hydrous ferric metals e.g.,

B oxide Fe(III), Ni

B lepidocrocite Zn, Cu, Pb,

Pd, Ca, Co

Angoveetal., 1999 B goethite and cadmium phtalic acid

B kaolinite cadmium hemimellitic acid

B cadmium trimellitic acid

B cadmium trimesic acid

B cadmium pyromellitic acid

B cadmium mellitic acid

Bonnissel-Gissinger

etal., 1999

A goethite

amorphous

silica

mercury chloride
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For simple organic molecules, there is a preference for formation of ternary

complexes of type A (Schindler, 1990). However, in natural waters there seems to

be a preference for the formation of type B ternary complexes, as the polyfunctional

groups of humic and fulvic acids are ubiquitous in this system. The thermodynamic

stability of ternary complexes is in general low (Schindler, 1990).

Tab. 2.3 shows different systems, in which ternary complexes have been

defined in literature.

2.1.2 Formation of the Electric Double Layer (EDL)

The surface charge is defined by the formation of charged innersphere

complexes. This leads to the formation of charged groups at the surface such as

>OH2+, >0\ >0-Mn+, and >0-Lm\ Because of the condition of electroneutrality, this

surface charge is compensated by outersphere complexes and by counterions in

solution, which form a diffuse plane at closest distance of the surface.

2.1.3 Definition of Surface Charges

The following charges at the solid-liquid interface can be distinguished

(Sposito, 1984; Stumm, 1996):

• A permanent structural charge gs, due to isomorphous substitutions in the crystal

lattice. For example, if a Si atom in silica is substituted by an Al atom, a

negatively charged framework is established, because Al is threevalent and Si is

tetravalent.

• A net surface charge G0, due to specific adsorption of ions on the surface. It can

be distinguished between the charge resulting from adsorption of protons and

hydroxides, gh, and the charge resulting from adsorption of other ions, gCc- The

sum of cts and a0 defines the charge on the surface, ap.

• A charge of the outersphere complexes, aß.

• A counter charge resulting from the counterions, a^.

Because of the condition of electroneutrality, the sum of these charges must

be zero (Eq 2.8):

os + afl+acc+ad + (Tp=0 [2.8]
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Relying on these charges, different points of zero charge can be defined

(Sposito, 1984).

• pHpzc: point of zero charge (ap= 0) (ap = as+cj0)-

• pHpznc: point of zero net charge (ös+aH = 0)

• pHpznpc: point of zero net proton charge (oH = 0). The point of zero charge is

solely established due to binding of H+ and OH".

• pHiep: isoelectric point (ad - 0). The electrophoretic mobility of a particle is zero.

• pHpzse: point of zero salt effect (dou/dl=0, where I is the ionic strength). At this

point the surface charge is not effected by a change in concentration of a

background electrolyte.

2.1.4 Definition of Intrinsic Constants

The apparent constants calculated directly from experimental data include

chemical and electrostatic interactions. For calculations, however, intrinsic

constants, i.e., the constants which define only the chemical reactions on the surface,

are of interest. Therefore a relationship between intrinsic and apparent constants has

been defined (Eq 2.9) (Stumm, 1996; Stumm and Morgan, 1996):

AzFW

Km^Kapp-QM-~TF~) [Z9]

where Az: change of the surface charge

W: surface potential [V]

F: Faraday constant (F = 96 485 C/mol)

The surface potential Y, which cannot be directly measured, is function of

the surface charge. Different models have been proposed to estimate the surface

potential as seen in the next paragraph.

2.1.5 Description of the Most Important Electrostatic Models

Constant Capacitance Model (CCM) (Schindler and Kamber, 1968;

Schindler and Gamsjäger, 1972)

In this model, two planes are defined (Fig. 2.3)

• A plane 0 where innersphere complexes are formed
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• A plane 1 where the surface potential equals zero

Only innersphere complexes are taken into account. Ions like K+, Na+, CI"

are assumed not to interact with the surface.

potential

distance from

-^the surface

charge

Fig. 2.2: Scheme ofConstant Capacitance Model (CCM)

The relationship between the charge and the surface potential is given by the

equation of a parallel plate condenser:

G0=C-W0 [2.10]

where:g0: surface charge [C]

C: capacitance [F]

The condition for electroneutrality gives:

<r, + <7i=0 [2.11]

To estimate the adsorption constant and the concentration of the surface sites,

at the most 5 parameters are needed:

• The capacitance can be estimated by linearisation of Potentiometrie titrations

(Stumm and Morgan, 1996). The model is optimised with the capacitance.

• The site density on the surface can be calculated from Potentiometrie titrations of

the solid phase.

• The specific surface area is measured with the BET method (Cornell and

Schwertmann, 1996; Schwertmann and Cornell, 1991).

• Acid-base equilibrium constants of the surface ligands can be estimated from

Potentiometrie titration data with surface complexation models.
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The constant capacitance model is a special case of the double layer model.

For a small surface potential, the sinus hyperbolicus expression in the Gouy-

zy/0F
Chapman relationship (Eq. 2.12) is reduced to the expression — and thus the

2.RT

surface charge is simply proportional to the surface potential. The coefficient of

proportionality is the capacitance defined in Eq. 2.10.

The Constant Capacitance Model can only be used for high ionic strengths

(I > 0.1 M). Explanations are given in the paragraph Basic Stern Model in this

chapter. More details on the CCM are given in Lützenkirchen (1996, 1999).

Double Layer Model (OLM) (Davis and Kent, 1990; Dzombak and

Morel, 1990; Stumm, 1996; Stumm and Morgan, 1996 )

Three planes are defined (Fig. 2.3):

• A plane 0 where ions adsorb specifically to form innersphere complexes

• A plane d with accumulation of the counterions

• A plane where the surface potential gets zero

potential
/ y __i

^0=^6

|\ Gouy-Chapman

I X*. distance from

1 ^^^«^ surface

oo Gd charge

H+ counterions

OH-

Me2+

ig. 2.3: Schemi; ofDouble Layer Model (DLM)

Only innersphere complexes are taken into account to define the surface

charge. The surface potential is related to the surface charge via the Gouy-Chapman

theory (Eq 2.12). This relationship was derived from the one-dimensional Poisson-

Boltzmann equation (Morel and Hering, 1993).

go =(8RTeeocxl0")m sinh(Z*¥oF/2RT) [2.12]

where: R: gas constant (R = 8.314 J/(mol-K))

e: dielectric constant of water (e = 78.5 at 25°C)



Modelling ofAdsorption Reactions 27

e0: permittivity of free space (e0= 8.854-10"12 C-(V-m)"1)

c: concentration of the electrolyte [M]

Z: charge for a symmetrical electrolyte

The condition for electroneutrality gives:

[2.13]

To estimate the adsorption constant and the concentration of surface sites, at

the most four parameters are needed:

• site density (calculated from Potentiometrie titrations of the solid phase)

• specific surface area (measured with the BET method)

• two acid-base equilibrium constants for the surface ligands (estimated from

Potentiometrie titration data)

The double layer model is only applicable for low ionic strengths. In the

Gouy Chapman theory, all ions are assumed to be point charges. Therefore, at high

ionic strength, the number of counter ions accumulated on the plane d, and as a

consequence, the surface charge, would be easily overestimated.

Triple Layer Model (TLM) (Brown, 1990; Stumm, 1987 and 1996;

Stumm and Morgan, 1996)

In this model, four different planes are defined (Fig. 2.4):

• A plane 0 where ions form innersphere complexes

• A plane ß where outer sphere complexes are bound electrostatically

• A plane d where the counterions accumulate

• A plane where the surface potential gets zero

potential

TO

Gouy-Chapman

->-distance

do öß OTd charge

counter ions

Fig. 2.4: Scheme ofTriple Layer Model (TLM)
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The ß- and d-plane are assumed to be Helmholtz planes and are treated like 2

parallel condensers in series. The surface charge is related to the surface potential

via the condenser equations and the Gouy-Chapman theory:

ad = -(8RT££ocx\0')msinh(Z¥dF/2RT) [2.14]

Gd = C2(%-Vß) [2.15]

<70 = C,(%-¥,) [2.16]

The condition for electroneutrality gives:

°o+0ß+0d=O [2-17]

In this model, innersphere as well as outersphere complexes are taken into

account. Several authors define ions like N03", S04 to form outersphere complexes

(Collins et al., 1999; Hoins, 1993).

To estimate the adsorption constant and the concentration of the surface sites

at the most seven parameters are needed:

• The capacitances d and C2 (fitting parameter, whereas Q is mostly defined to

be 0.2 F/m2)
• Site density (calculated from Potentiometrie titration data)

• Specific surface area (measured with the BET method)

• Two acid-base equilibrium constants for the surface ligands (estimated from

Potentiometrie titration data)

• Adsorption constants for outersphere complexes (fitting parameter)

2.4 Basic Stern Model (BSM)
The basis of the BSM is the principle of the electric double layer and the fact

that the charge of the diffuse layer is described by the Gouy-Chapman theory

(Bockris and Reddy, 1976; Dzombak and Morel, 1990). As the Gouy-Chapman

relationship does not limit the surface charge to reasonable values at high ionic

strength, the surface charge that can be developed on an oxide surface is limited by

the number of binding sites. Their number is obtained from adsorption isotherms.

Consideration of surface complexation reactions is quite similar to this approach to

limit the surface charge. The Stern model is described in more details by Westall

and Hohl (1980).
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The following relationships in the electrostatic description can be observed

between the Basic Stern Model, the CCM, and the DLM. The total capacitance is

defined in the following way:

1 1 1

C

where:

C\
+
c,

[2.18]
total Helmholtz diffuse

CHeimhoitz is the capacitance between the surface and the outer Helmholtz

layer (= boundary to the diffuse layer);

Cdiffase is an operationally defined capacitance in the diffuse layer.

A high concentration of ions in the diffuse layer, i.e., a high ionic strength,

increases the capacitance of the diffuse plane. Hence at high ionic strength,

effuse» CHeimhoitz, and due to this simplification, the BSM is reduced to the

Constant Capacitance Model (Fig. 2.5). Similar considerations can be made for low

ionic strength, where the BSM is reduced to the double layer model.

Bask Stet HoM(B$ty

^diffus •>> ^Helmholtz

c c

Low I

c «c

^diflus ^Helmholtz

1 1

c.
diffus

Fig. 2.5: Relationship between BSM, CCM, and DLM

2.5 CD-MUSIC (Charge Distribution Multi

Site Complexation)

2.5.1 Concept of Charge Distribution

In the previous models, the charge of inner sphere complexes was assumed to

be centered in one point. In the concept of charge distribution, the size of the

molecule is taken into account. Only part of the adsorbed molecule is incorporated
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with its charge in the surface structure, while the other part is located in the so-called

Stern layer. This phenomenon is taken into account by the concept of charge

distribution.

The positive charge of a cation is distributed over several ligands and in the

same way the charge of a ligand is distributed over several cations of the surface.

The basis of this concept is the Pauling's rule (Pauling, 1929). A formal bond

valence is defined as the quotient of the charge (z) of a cation and its coordination

number (CN):

V =— [2.19]
CN

For example, for the crystal structure of goethite, the formal bond valence

v = 1/2, which means that half a charge can be neutralized per bond. This implies

that Fe3+ needs six OH" to neutralize its charge and OH" needs two Fe3+ for

neutralising its own charge.

Thus, for a singly coordinated oxygen (goethite planes {110} and {021}, see

chapter 3) on a goethite surface, the following acid base equilibria can be written:

3_ ]__

= Fe-0T +H+ <=> =Fe-OHT

x_
[2.20]

= Fe-OHT +H+ & = Fe-OE\

and for a triply coordinated oxygen (goethite plane {110}, see chapter 3),

following reactions are defined:

I_ I

= Fe,0~2~+H+^ =Fe,OH2+
3

3+
[2.21]

= Fe3OH2+ + H+ <^ = Fe3OHf

Depending on the pH, the surface is positively or negatively charged. The

surface charge is compensated by counterions, which leads to the formation of a

double plane. The electrostatic interactions are taken into account by the three plane

model (TPM) (Fig. 2.6).

It is known that some electrolyte ions form ion pairs with the surface, these

are referred to as outersphere complexes (Hoins, 1993; Nilsson, 1995) and are

located in the electrostatic plane d. These ions are treated as point charges - exactly

as in the TLM model. The concentrations of the counterions increase towards the

surface, but have a distance of closest approach to the surface, which is the plane d.

They are as well treated as point charges and they are described by the Gouy-

Chapman relationship.
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Innersphere complexes are closer than the outersphere complexes to the

surface. The ligands of adsorbed metal complexes or adsorbed oxoanions are partly

incorporated in the surface plane (0-layer), and partly located in a plane within the

Stern layer region, called 1-plane. The planes are treated as in TLM as two parallel

condensers with capacitances Cj and C2. For differences between the TLM and

TPM, see the publication ofVenema et al. (1996)

potential

0 1

inner sphere
complexes

charge distribution

between 0- and 1 -

plane

Fig. 2.6: Three plane model (TPM)

outer sphere complexes
ion pairs

treated as point charges

Diffuse double layer

distance

The charge distribution of the ligand is calculated with the Pauling bond

valence concept. The charge of innersphere ligands is shared between the metal of

the surface and the central atom of the adsorbed ligand, which means that it is shared

between the 0-plane and the 1-plane. In order to calculate the charge distribution

among the planes, a charge distribution factor f is defined as:

f = n-V [2.22]

where: n: number of common ligands

v: valence bond of the adsorbing cation as previously defined

(Eq. 2.19)

In case of equal charge distribution (f = 0.5) within the adsorbing complex,

half of the charge of the cation is attributed to the surface and the remaining to the

solution orientied ligands. However, an equal distribution of charge may be in



32 Chapter 2

conflict with the Pauling concept of local neutralization of charge. As a result of the

adsorption reaction, the surface ligands may become "buried" and therefore they

may be more part of the solid. As a result they will have a larger neutralization than

the solution ligands, which leads to a larger value of f. As it is very difficult to

pred'ct f, it is treated as an adjustable parameter in the CD-model. More detailed

iniormation is given in the publication of Hiemstra (1996).

2.1.2 Multi Site Complexation

The MUSIC model is a surface complexation model that was developed to

account for the diversity of surfaces in natural soils. Information on the structure of

surfaces can be incorporated (Hiemstra et al., 1989 a,b, 1996) and thus give insight

into mechanisms of adsorption reactions (Boily, 1999). Adsorption of cations as

well as anions can be modelled (Hiemstra, 1996). In Fig. 2.7 all the information

needed for this model is summarised. For classical surface complexation models,

only the information on the right side of the figure was needed: adsorption

experiments and information on how ions are distributed between the planes in order

to calculate the surface potential. For the MUSIC model, additional data on the

structure of the surface, given by crystallographic methods (spectroscopic and

microscopic analysis), and information on surface binding, given by spectroscopic

methods, are needed.

Crystallography

Surface Chemistry
i'

1Surface structure '

Potential profile

/
/

CD- MUSIC

/
/ \

\
Spectroscopy Adsorption exp.

i.

Ads. behavior

Fig. 2.7: Information needed to use the CD-MUSIC model
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Definition of an intrinsic constant

The intrinsic constant is defined as in the classical surface complexation

models over the Gibbs energy:

AGapp=AGl+àGel [2.23]

AGei is the electric work done/released when a charge at a position i with a

certain potential T, is changed by Az;:

*Gel=Z^f% [2-24]

where: Az;: change in the charge at the position i due to adsorption.

Detailed calculations can be found elsewhere (Hiemstra, 1996).

The following parameters are needed to work with the CD-MUSIC model:

• Capacitances C\ and C2 (fitting parameter)

• charge distribution factor f (fitting parameter)

• intrinsic constants for the different binding sites of the goethite layers (estimated

from Potentiometrie titration of the solid phase)

• surface site density (estimated from Potentiometrie titration of the solid phase)

2.6 Common points and differences

between Surface Complexation Models

The models presented in this chapter have the following points in common

(see also (Sigg et al., 2000), chapter 9):

• Surface >OH-groups are assumed to be the main ligands on the surface. They

react similarly to hydroxyl ions in solution.

• Adsorption reactions are independent on the structure of the solid phase, wiht

exception of the MUSIC model.

• All charges are treated as point charges.

• The surface charge results from adsorption reactions.

• Equilibria can be described by law of mass action.

• The effect of the surface charge on sorption is taken into account by applying a

correction factor derived from the EDL theory to the law of mass action.

The differences lie in the description of the electric double layer:

• The ions are differently distributed between the planes.
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• The electrostatic relationships between the surface potential and the surface

charge are different.

2.7 Applicability of Models

Models are often used in a somewhat unfortunate manner. In the following,

some points are listed to illustrate how models should not be used:

• The DLM cannot be used to model data points at high ionic strength.

• The CCM is not applicable to low ionic strengths.

• The TLM should not be used when only data points at one ionic strength were

measured. 7 parameters have to be estimated in this model, so the system gets

too many degrees of freedom if not enough independent data points can be used.

• Information which you can obtain corresponds to the used model. For example, it

is impossible to characterise the electric double layer by using the CCM and

doing experiments at only one ionic strength.

• Constants fitted with different models should not be compared. They depend on

the model and on the fitting parameters used. Hence, when defining a constant, it

is necessary to give the values of all parameters.

• Models are never a proof for correctness of a mechanism.

2.8 Modelling of copper, cadmium, nickel,

and oxalate on goethite
In this section, adsorption constants for heavy metal and ligand adsorption

will be determined with the DLM model for the systems used in chapters 4 and 5.

Parameter estimation was performed with the software FitEQL (Herbelin and

Westall, 1994). Only experimental data below 90 % copper adsorption was used for

parameter estimation. For these high adsorption values, only low concentrations of

the sorbate were measured in the filtrate. As for all measurements, the same relative

error for the total copper concentration (10 %) was assumed, this error became very

low for low concentrations measured in the filtrate, i.e., for high copper adsorption.

The goodness of fit was mainly checked with the so called WSOS/DF factor

(weighted sum of square of residuals divided by the degree of freedom). For an ideal

fit, this value should equal 1, but generally values between 0.1 and 20 indicate a
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reasonably good fit (Herbelin and Westall, 1994). This value directly depends on the

relative and absolute error for the total defined concentration. The relative error was

always chosen to be 10 % and the total absolute error was set to 10% of the total

initial copper concentration. Further, it was checked that the actual error in the

copper material balance was approximately equal to the defined experimental error,

and that the quotient of both was randomly varying around 1 for all data points, to

make sure that the model was appropriate.

For all the following models, proprieties of the goethite were defined as

follows. The site density was defined to be 2.3 sites/nm2 and the specific surface

area was measured by the BET method to be 21.4 m /g. The pKa values of the

surface were set to 7.9 and 10.5. More details to goethite characterization are given

in chapter 3.

2.8.1 Copper-Goethite System

The intrinsic equilibrium constant for the pH dependence of the adsorption of

copper onto goethite was determined by two surface complexation models: the

constant capacitance (only for adsorption edge recorded with [Cu]tot = 5 uM) and the

diffuse layer model. The results given by these two models will be compared.

The experimental setup for the pH adsorption edge of copper on goethite is

explained in detail in chapter 4 respectively in chapter 5, but the most important

parameters are summarized in Tab. 2.4.

Table 2.4: Parametersfor copper adsorption experiments onto goethite

Parameter Concentration Concentration

(chapter 4) (chapter 5)

Cu[M] 5-10"6 3.03-10"7

goethite [g/L] 0.5 0.5

Ionic strength (KN03) [M] 0.01 0.01

To describe copper adsorption on goethite, one surface complexation reaction

was found to be able to describe the data sufficiently well (Eq. 2.25):

= Fe-OH+Cu2+ a =Fe-0-Cu + H+ [2.25]

Copper speciation in solution was calculated with the constants reported in

Tab. 2.5.
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Table 2.5: Constants used to calculate copper speciation in solution

Species log K

CuOH+ 6.1[1]

Cu(OH)2 11.6[1]

Cu(OH)3" 14.5[1]

Cu(OH)42- 16-4[1]

[1]: stability constants as defined in Smith and Martell (1976 and 1982), corrected with

Davies equation (b=0.2) (Stumm and Morgan, 1996) for I = 0.01M. The components

needed to describe the reactions are Cu2+ and OH".

The results obtained are listed in Tab. 2.6. Parameter estimation with the

constant capacitance model was optimized with the value defined for the

capacitance. The best results were obtained by taking into account a capacitance of

3.7-10~2F/m2. The total capacitance depends on the ionic strength and can be

estimated by Eq. 2.26 (Lützenkirchen, 1999). This equation was derived for small

potentials from the Gouy-Chapman relationship (Eq. 2.12).

Cto, <2.28-V7 [2.26]

This means that in our system, the total capacitance should be smaller than

0.228 F/m2, and the capacitance of the diffuse layer is per definition much larger

than the capacitance in the Helmholtz layer (see chapter 2.4). However, it has to be

taken into account that the CCM can normally only be used for I > 0.1 M. The low

ionic strengths used in our study are the reason that the defined value for the

capacitance is so unusually low.

Table 2.6.: Copper adsorption constants obtained by
paramter estimation with CCM andDLM

[Cu] [M] logK

DLM

WSOS/DF

5 -10'6 1.9 0.18

3.03-10"7 2.93 0.3

6.9-10~8 3.09 1.06

CCM

5 -10"6 2.95 0.17

The experimental data and the fitted adsorption curves are shown in Fig. 2.8.

Both models can adequately represent the data. Further, as could be expected, with
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both models the same adsorption behaviour of copper onto goethite could be

calculated.

The fact that the constant estimated by parameter estimation for the constant

capacitance is larger than for the double layer model results from the electrostatic

definition of the layers. In the constant capacitance model, it is assumed that the

diffuse layer is approximated as a plane of charge parallel to the surface. This has as

a consequence that the potential of the surface is overestimated and thus the value of

the constant increases in order to fit the data.

This example shows clearly that constants defined with one model cannot be used in

another model, i.e., intrinsic constants are dependent on the model used (Westall and

Hohl, 1980). Furtheron it shows how constants can be determined apparently

adequately with a model that makes physically no sense under the conditions used.
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Fig. 2.8: pH dependence of copper calculated with a surface complexation
model using the constant capacitance model and the double layer model for
electrostatic interactions. ([Cu]tot = 5 jxM)

2.8.2 Cadmium-Goethite System

The experimental procedure to calculate the pH cadmium adsorption edge on

goethite is explained in detail in sections 4.2 and 5.3. The most important

parameters, however, are summarized in Tab. 2.7.
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Table 2.7: Parameters

on goethite

usedfor calculation of cadmium adsorption

Parameter

cadmium [M]

goethite [g/L]

ionic strength (KN03) [M]

concentration

(chapter 4)

5-10"6

0.5

0.01

concentration

(chapter 5)

1.3-10"9

0.1

0.01

To model cadmium adsorption on goethite, one surface species, =Fe-0-Cd+,

was postulated (Eq. 2.27)

= Fe-OH+Cd2+ <=> = Fe-0-Cd+ +/T [2.27]

Formation of the cadmium hydroxo complexes was calculated with the

constants reported in Tab. 2.8.

Table 2.8: Constants used to calculate cadmium

speciation in solution

Species log K[1J

CdOH+ 3.8

Cd(OH)2 7.5

Cd(OH)3" 10.2

UJ: stability constants as defined in Smith and Martell (1976 and 1982), corrected with

Davies equation (b=0.2) (Stumm and Morgan, 1996) for 1 = 0.01 M. The components

needed to describe the reactions are Cd2+ and OH".

The obtained results are reported in Tab. 2.9 and shown in Fig. 2.9. The slope

of the experimental adsorption was lower than the slope of the fitted curve. In our

model, we assumed that one proton was released per cadmium adsorbed. The

steepness of the experimental curve, however, showed that less than one proton must

be released per cadmium adsorbed. Different authors tried to solve this problem by

defining an additional surface cadmium species, where less protons are liberated, or

where the surface is not charged. (Gunneriusson, 1994) (Eq. 2.28).

= Fe-OH+Cd2+ o = Fe-OH-Cd2+ [2.28]

= Fe-OH+Cd2+ <^ =Fe-0-CdOH + 2H+
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Table 2.9: Adsorption constant of cadmium on goethite as

calculated by parameter estimation

[Cd] [M]

5-10"6

1.3-10-9

100%

80%

U

O
se

60%

40%

20%

0%

logK

-0.81

-0.18
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20.8

5.99
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Fig. 2.9: pH dependence of cadmium adsorption on goethite calculated with a

surface complexation model using the double layer model for electrostatic

interactions. ([Cd]tot = 5 jxM).

2.8.3 Nickel-Goethite System

The experimental procedure to determine the pH dependence of nickel

adsorption on goethite is explained in detail in section 4.2 and 5.1. The most

important parameters, however, are summarized in Tab. 2.10.

One surface species, =Fe-0-Ni+, was assumed for estimating the constant for

the nickel adsorption on goethite:

Fe-OH + Nr <^> =Fe-0-Ni+ + H' [2.28]

Speciation of the aqueous nickel was calculated by the constants reported in

Tab. 2.11. The results obtained are listed in Tab. 2.12, and shown in Fig. 2.10.
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Table 2.10: Parameters used for calculation of nickel adsorption on

goethite

Parameter
(chapter 4) (chapter 5)

nickel [M] 5-icr6 2.8-10-7

goethite [g/L] 0.5 0.5

ionic strength (KN03) [M] 0.01 0.01

Table 2.11: Constants used to calculate nickel

speciation in solution

Species

NiOH+

log Km

4.0

Ni(OH)2 7.8

Ni(OH)3" 11.0

[1J: association constants as defined in Smith and Martell (1976 and 1982) and corrected for

the ionic strength (I = 0.01 M) with Davies equation (b=0.2) (Stumm and Morgan, 1996).
The components needed to define the equations are Ni2+ and OH".
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Fig. 2.10: pH dependence of nickel adsorption as calculated with a surface

complexation model using the double layer model for electrostatic interactions.

([Ni]tot = 5-10-6M)
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Table 2.12: Adsorption constant ofnickel on

goethite as estimated by our model.

[Ni] [M]1 logK WSOS/DF

5-10"6 -0.08 0.92

2.8-10"7 0.46 0.36

2.8.4 Variations of the adsorption constant with metal

concentration

It is striking that the adsorption constants defined for all three metals

increased with decreasing initial total metal concentration. Considering the small

variations in the concentration range, the constant should by definition of a constant

not change. This phenomenom, however, can be explained by the presence of

weaker and stronger sites on the surface. The strong surface sites are occupied first,

as the surface is progressively occupied, lower reactivity sites are left. This has as a

consequence that adsorption constants decrease with increasing total metal

concentrations.

2.9 Modelling of Oxalate, Salicylate, and

Pyromellitate on Goethite

2.9.1 Oxalate-Goethite System

The experimental procedure to determine the pH dependence of oxalate

adsorption is explained in detail in chapter 4.2. The most important parameters are

summarized in Tab. 2.13.

Table 2.13: Parameters usedfor calculating oxalate adsorption
on goethite

Parameter concentration

oxalate [M] MO"6

goethite [g/L] 0.33

ionic strength (NaN03) [M] 0.01
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Two surface species were necessary to model oxalate adsorption sufficiently

well (Eq 2.29)

= Fe-OH + Ox2' + H+ <=» = Fe - Ox~ + H20 [2.29]

= Fe-OH+Ox2~ +2H+ <=> =Fe-OxH+H20

Oxalate speciation in solution was defined by the constants given in

Tab. 2.14. The WSOS/DF factor was determined to be 0.049. The results are listed

in Table 2.15 and shown in Fig. 2.11.

Table. 2.14: Constants used to describe oxalate

speciation in solution

Species pK.
H2Ox 1.208

HOx 4.133

1
. acidity constants as defined in Smith and Martell (1977 and 1982), corrected with

Davies equation (b = 0.2) (Stumm and Morgan, 1996) for 1=0.01 M. The components
needed to define the equations are Ox2" and H+.

Table 2.13: Adsorption constants ofoxalate on

goethite as defined by DLM model

Surface species log K

=Fe-Ox" 9.9

=Fe-OxH 14.5

The constants fitted in this study are comparable to constants defined in the

literature, e.g. in Mesuere and Fish (1992), and make sense, as the pKa of the

adsorbed oxalate is 4.6. This value is comparable to the value for aqueous oxalate.

By definition of only one species, no convergence of the optimization

procedure could be achieved. =Fe-OxH defines the adsorption behavior in the

acidic pH range and =Fe-Ox" is the species responsible for adsorption at pH values

about pH 6.
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Fig. 2.11: pH dependence of oxalate adsorption on goethite calculated with a

surface complexation model with a double layer model for electrostatic

interactions

2.9.2 Salicylate-Goethite System

Salicylate adsorption was not measured in our system. However, calculations

of the salicylate adsorption could be performed by using data from the literature

which were determined under a similar ligand/goethite ratio as in our study (Evanko

and Dzombak, 1999). Modelling was performed with the generalised two layer

model (G-TLM). However, no difference between strong and weak adsorption sites

was made, so this model is identical to the double layer model used in this study and

the constants could be used directly. 2 surface species listed in Tab. 2.14 were

defined by parameter estimation. Salicylate adsorption onto goethite is shown in

Fig. 2.12.

Table 2.14: Surface complexation reactions to describe salicylate adsorption on

goethite. Constants were taken from Evanko and Dzombak (1999).

Surface reactions

= Fe-OH+HSal' + H+ <=>

= Fe-OH + HSal~ o = FeO - Sal3' + 2H+

Fe-HSal + H20

log Kint

8.55

-12.92
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Fig. 2.12: pH dependence of salicylate adsorption on goethite as calculated by a

surface complexation model with a double layer modelfor electrostatic interactions.

Surface complexation constants were takenfrom Evanko and Dzombak (1999).

2.9.3 Pyromellitate-Goethite System

Pyromellitate adsorption was not measured in our system. However, data to

model pyromellitate adsorption on goethite could be found in the literature (Evanko

and Dzombak, 1999). In this study, modelling was performed for a broad range of

pyromellitate/goethite concentration ratios, including also a ratio close to that used

in our study. Modelling was performed with G-TLM, however, no difference was

made between weak and strong adsorption sites and thus the G-TLM becomes

identical to the double layer model used in this study. Fitting was performed by

defining 6 different pyromellitate-goethite surface complexes (Tab. 2.15).

Pyromellitate adsorption on goethite is represented in Fig. 2.13.
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Table 2.15: Surface complexation reactions to describe pyromellitate adsorption on

goethite. Constants were takenfrom Evanko andDzombak (1999).
Reactions log Kint

= Fe-OH+H,Pyr-+H+ & = Fe-H3Pyr +H20 H-91

= Fe-OH+H3Pyr- a =Fe- H2Pyr~ + H20 9.15

= Fe-OH + H.Pyr' <^ = Fe- HPyr2~ + H+ + H20 4.70

= Fe-OH+H3Pyr~ <^ = Fe-Pyr3~ +2H+ + H20 -1-25

= Fe-OH+H3Pyr~ ^ = FeOH- PyrA~ + 3/T -6.61

= Fe-OH+H3Pyr~ <=ï = FeO- Pyr5' + 4H+ -13-12

6.0E-05

Fig. 2.13: pH adsorption edge ofpyromellitate adsorption calculated by a surface
complexation model with the double layer model for electrostatic interactions.

Surface complexation constants were takenfrom Evanko and Dzombak (1999).
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Characterisation of Goethite

3.1 Introduction

In this study, goethite, a crystalline iron oxide, was used as solid phase, as we

wanted to have a well characterised surface. Goethite is a very stable surface, which

makes it an ideal solid phase for adsorption experiments (Schwertmann and Cornell,

1991). A further reason for this choice was the fact that iron oxides are known to be

strong adsorbents in natural systems and goethite is a wide spread iron oxide in

natural systems (Schwertmann and Cornell, 1991).

3.2 Description of Goethite

The goethite used in this study was produced by BASF in large quantities and

is used industrially as pigments.

By scanning microscopic studies (SEM), the crystal morphology of this

goethite was deduced to have the form of needles (Fig. 3.1). Further SEM pictures

of the BASF goethite are shown in the report by Ehrhardt (1999). This is also the

normal shape normally observed for goethite (Schwertmann and Cornell, 1991). The

dimensions of these needles have been determined to be 1000 X 150 X 30 nm

(Ehrhardt, 1999). The specific surface area was determined with the BET method

with N2 to be 21.4 m /g, which is within the normal range defined for goethite.

Measurements have been performed with Sorptomatic 1990 by Daniel Kobler

(EAWAG, Dübendorf). BET measurements of the same goethite have also been

performed by other groups, e.g., by the Laboratoire Environnement et Minéralurgie

(LEM) in Nancy. They defined the specific surface with N2 to be 18.6 m2/g, and

with Ar to be 15.3 m2/g (Ehrhardt, 1999). Furtheron it has been shown that 40 vol-%
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of the pores of the BASF goethite are between 33 and 97 nm (Ehrhardt, 1999),

which means that our goethite was highly crystallised.

In general, it has been shown by electron microscopy (EM) that the main

plane of goethite is {110}. At the end of the needles, a {021} layer can be defined

(Cornell and Schwertmann, 1996; Weidler et al., 1996) (Fig. 3.2). The length of the

crystal defines the relative abundance of the {021} plane, which is often less than

10% of the total surface area.

Fig. 3.1: SEMpictures ofBASFgoethite Fig. 3.2: Goethite crystallographic

after the washingprocedure planes

• The {110} plane is characterised on a unit cell basis by 3 rows of triply

coordinated surface Fe30(H) groups, one row with singly coordinated FeOH(H)

groups, and one row with doubly coordinated surface groups Fe2OH. The goethite

surface is dominated by triply coordinated surface Fe30(H) groups. This is reflected

by the high value for the pHpzc of the goethite, which is obtained by the elevated

log K of the protonation of the triply coordinated surface groups. Two types of triply

coordinated groups are found, one protonated (Fe3OH) and one nonprotonated

(Fe30). The non protonated (Fe301/2~) species are the low affinity sites and the

protonated (Fe3OH1/2~) represent the high affinity sites (Hiemstra, 1989 a and 1996).

• The {021} plane is characterised by alternating rows of singly and doubly

coordinated surface groups (Hiemstra et al., 1989 b).

• The {100} plane is less important for adsorption reactions, because it is

uncharged (Hiemstra et al., 1989 b).



Characterisation of Goethite 49

3.3 Determination of Acidity Constants

By Potentiometrie measurements it has been shown that the pHpzc of the

BASF goethite (after the washing procedure, see section 3.4) was 8.2 (Morsad,

1999). However Potentiometrie titrations of goethite are quite delicate and values for

the pKa values have been taken from the literature (Mesuere and Fish, 1992;

Robertson, 1998) (Tab. 3.1).

Table 3.1: pKa values ofgoethite as used in this study

surface species pKa

=Fe-OH2+ 7.9

=Fe-OH 10.5

The pKa values, as defined in Tab. 3.1 result in a pFfpzc value of 9.2, which is

above the experimental value determined for the BASF goethite. The choice of these

constants to characterise our goethite surface was not ideal, as the difference has an

influence on our calculations. However, the difference in the acidity constants will

not change the main conclusions of this study. The error lies in the fact that in our

calculations the surface was slightly more positively charged, which has as

consequence that the surface was a less strong ligand. However, as parameter

estimation for the determination of the adsorption constants of metals and ligands

was performed with the adidity constants from Tab 3.1, an error in the calculations

may only occur in the estimation of the electrostatic attraction of the positively

charged groups of goethite. This influence, however, is minute in comparison with

the others.

3.4 Treatment of Goethite

Impurities on the Surface

It has been shown by ICP-OES measurements that certain impurities are

present on the goethite surface (Tab. 3.2) (Ehrhardt, 1999). Furtheron, anions like

sulphate have been shown by XPS (X-ray Photo Electron Spectroscopy) to be

present on the surface (Ehrhardt, 1999; Morsad, 1999). Sulphate measurements were

also performed with ion-chromatography (Dionex, column Asll) in suspensions of
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goethite at pH 9 that were filtered. Only a qualitative analysis was performed for this

task. In order to eliminate these impurities, the goethite was washed.

More details about the characterisation of the BASF goethite are given in the

studies of Ehrhardt (1999) and Morsad (1999).

Table 3.2: List ofimpurities on the goethite surface

Impurity Concentrate

Ba 8

Ca 650

Cu 70

Mg 80

Mn 150

Na 500

Sr 4

Ti 2

Washing Procedure

50 g of goethite were weighted into a 500 ml polypropylene centrifugation

tube. The tube was soaked first in 0.1 M HN03 for at least 2 days and afterwards for

2 days in nanopure water. Several washing steps were necessary. The volume of

solution added was always 250 ml. Goethite was washed successively with 10"3 M

NaOH (prepared from Baker Analysed®, 50%, C02-free (see section 4.2.1)),

nanopure water, 10"3 M HN03 (prepared from Merck suprapur®, 65 %), and twice

with 0.01 M NaN03 (Fluka, grade Biochemika). For each washing step, the

suspension was equilibrated for about 2 h. After each washing step, the suspension

was centrifugated (Centrikon T124 Kontron Instruments) at 7800 U/min at 15° C for

30 min. The rotor used for centrifugation was A 6.9. Centrifugation parameters were

the same for all the washing steps. At the end, goethite was dried for 24 h at 80° C

and crushed in an agate mortar. For storage, suspensions of 20 g/1 were prepared,

which were treated for 10 minutes with ultrasound in order to disperse goethite

particle homogeneously. This solutions were aged for at least 2 days before use.

Similar washing procedures for goethite are reported in Ehrhardt (1999) and

Morsad (1999).
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Adsorption of Cu, Cd, and Ni on

Goethite in the Presence of

Simple Organic Ligands
4.1 Introduction

Natural organic ligands have an important influence on the transport of heavy

metals in infiltration groundwater systems (Stumm, 1996; Stumm and Morgan,

1996). A variety of models has been developped to describe the complexation and

adsorption properties of natural organic substances with high molecular weight

(Bartschat et al., 1992; Benedetti et al., 1995; Dzombak et al., 1986; Tipping, 1993,

1986, 1994; Tipping and Hurley, 1992; Tipping and Woof, 1990). However, a

detailed, quantitative description is still difficult as the knowledge about structure

and chemical behaviour of humic substances and hydrophilic acids is still quite

limited. Organic ligands of lower molecular weight have the advantage not to

present this kind of problems. It has been shown that natural organic ligands are

mostly bound to mineral surfaces through a ligand exchange mechanism, at least at

pH values below pHpzc(Gu et al., 1994). Therefore, simple organic ligands with

carboxylic groups and/or phenolic groups, which represent major functional groups

in natural organic ligands (Aiken et al., 1985; Stevenson, 1982), are very promising

for a better understanding of mineral-ligand-metal interactions (Ali and Dzombak,

1996 b).

In this study, oxalate, salicylate, and pyromellitate (Fig. 4.1-4.3) were chosen

as simple organic ligands. These ligands have carboxylic functional groups and
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salicylate has also a phenolic group. The compounds have often been described in

the literature to be good representatives for natural organic matter.

HO ÖH

Fig. 4.1: oxalic acid

,COOH

Fig. 4.2: salicylic acid

HOOCn .-COOH

HOOC
^ "COOH

Fig. 4.3: pyromellitic acid

Oxalic acid (ethanedioic acid) is often selected to represent the aliphatic part

of humic substances (Elliott and Denneny, 1982; Filius et al., 1997; Huang, 1977;

Lamy et al., 1991; Ragnarsdottir et al., 1998; Violante et al., 1996). Oxalate is one of

the most abundant organic ligands of low molecular weight in soils and is

particularly concentrated in the rhyzosphere.

Salicylic acid (2-hydroxybenzoic acid) is an important component of

dissolved humic substances and is important to define acidity and complexation

properties of fulvic acids (Leenheer et al., 1995).

Pyromellitic acid (1,2,4,5-benzenetetracarboxylic acid) is a good chelating

agent with two identical carboxylic groups located on both sides of the benzene ring.

Pyromellitate has been used in the last few years as a representative for natural

organic ligands in several studies (Angove et al., 1999; Evanko and Dzombak, 1998,

Boily et al., 2000 a, b, c).

These three ligands can be expected to represent quite a broad range of

possible influences of natural organic ligands on the adsorption of heavy metals on

goethite. Oxalate is a strong complexing agent and is therefore likely to compete

with the surface groups to complex heavy metals at elevated pH values. Formation

of ternary complexes of type B in the acidic pH range can be expected with

pyromellitate. The carboxylic groups on one side of the aromatic ring can form

complexes with the surface groups, while the carboxylic groups on the other side

can complex heavy metals on the bulk solution side. Both types of reactions are not

expected with salicylate, as it is a less strong ligand and competition reactions with

the surface are not likely at the surface/ligand concentration ratios used in this study.
The objective of this chapter was to study the influence of these three ligands

on the adsorption of copper, cadmium, and nickel on goethite. By stepwise inclusion

of the different modules, which define interactions of organic ligands with metal

adsorption (see chapter 1) into the surface complexation model, the effects of the

various complexation reaction could be analysed individually. The modules
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considered competition reactions with aqueous organic ligands, electrostatic

attraction of the metal cation on the surface due to adsorbed ligands, and formation

of ternary complexes. The probability of formation of ternary complexes of type A

or B were discussed. Consideration of the properties of the metals and the ligands

helped to explain the adsorption data obtained in the nine different systems.

4.2 Experimental Conditions

4.2.1 Chemicals

Metal solutions were prepared from metal stock standards from Baker

Analyzed® (copper, nickel, cadmium: 1000|ag/mL Baker Instra-Analyzed®).

Following chemicals were from Fluka: Biochemika grade: HEPES (4-(2-

hydroxyethyl)-piperazine-l-ethane-sulfonic acid), MES (2-morpholinoethane-

sulfonic acid monohydrate), oxalic acid sodium salt, and NaN03, Chemika grade:

sodium salicylate. KN03 was used from Merck suprapur® and pyromellitic acid

from Merck (synthesis grade).

All nitric acid dilutions were prepared from F£N03 65%, Merck suprapur®.
All NaOH dilutions were prepared C02-free from 50% NaOH solutions (Baker

Analysed®). In such solutions, carbonate precipitates as Na2C03 and can thus be

eliminated by filtration (Öhman and Sjöberg, 1996). The polypropylene bottles and

the nanopure water used for the dilutions were purged previously to use with argon

and nitrogen, respectively. In order to prevent the NaOH solution to come into

contact with air, mixing as well as storage was done under argon atmosphere. NaOH

solutions were only used for 24 h.

All solutions were prepared with deionized water (18MQ Q-H20 grade

Barnstead Nanopure) in bottles soaked for at least 24 h in 0.1 M HN03. For metal,

NaOH, and HEPES solutions, polypropylene bottles were used. All other solutions

were prepared in glass ware.

4.2.2 Treatment of Goethite

Goethite purchased from BASF was treated as described in Chapter 3. It was stored

in suspensions of 20 g/L in polyethylene bottles. Before use, goethite suspensions

were thouroughly shaken. Pipetting of goethite into the bottles used for the

experiments was done with an error smaller than 4%.
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4.2.3 General Experimental Setup

Experiments were performed at 25°C as batch systems in 100 mL

polypropylene beakers, which had been soaked for at least 24 h in 0.1 M HN03 and

rinsed before use with nanopure water.

pH between 5.2 and 7.2 was buffered with MES and between pH 7.2 and 7.8

with HEPES. Below pH 5.2 and above pH 7.8, no buffers were used. pH values

were adjusted by adding HN03 or NaOH.

To remove C02, all samples were purged with nitrogen for at least 30 min

before the adsorption reaction and whenever the bottles were opened. All solutions

used were either purged with nitrogen or prepared C02 free (see chapter 4.2.1).

Because of possible photoreduction of goethite by organic ligands,

experiments were carried out under red light at A, > 560 nm (Siffert and Sulzberger,

1991; Sulzberger et al., 1989).

Because the order of addition of the different reagents may show that kinetic

effects are important, different systems were investigated.

System "metal'-ligand-together"

Metal and ligand were equilibrated for 30 min under nitrogen atmosphere at

the desired pH value. The ionic strength was adjusted with KN03 (if not specified

otherwise). Afterwards, goethite was added and the samples were allowed to

equilibrate in the dark on a side to side shaker for 4 h. Concentrations are listed in

Tab. 4.1.

System "metal-first"

Metal and goethite were first equilibrated for 2 h at the desired pH and ionic

strength. Afterwards, the ligand was added. The pH was controlled and the samples

were equilibrated for 4 h.

System "ligand-first"

Ligand and goethite were first equilibrated for 2 h at the desired pH value and

ionic strength prior to addition of the metal. The pH was then checked and the

samples were equilibrated for 4 h.



Simple Organic Ligands 55

Table 4.1: Experimental conditions used in the

experiments unless specified
otherwise

PH

Metal[1] [M]

Ligand[2] [M]

goethite [g/L]

I[M]

buffer[3] [M]
[

. copper, cadmium, or nickel

. oxalate, salicylate, or pyromellitate
P1: MES or HEPES

After the final equilibration step, the pH was measured again under nitrogen

atmosphere. This equilibrium pH value, which was slightly lower in both binary and

ternary systems compared to the one measured before the adsorption reaction, was

used for data evaluation. Afterwards, the samples were filtered (0.45 urn, either

Acrodisc Gelman Science or Titan Nylon from Schmidlin Labor & Service AG) and

acidified to 0.01 M HN03 for metal analysis. For oxalate analysis, the pH of the

filtrate was set to pH 10.

The amount of metal or ligand adsorbed was calculated from the difference

between the total initial concentration and the measured concentration in the filtrate

after the adsorption reaction.

In order to see the effect of the organic ligands on the adsorption of metals on

goethite, reference samples without organic ligands were measured. In the

experiments described in this chapter, the reference was always measured in a

simple ionic medium (0.01 M KN03 if not specified otherwise).

4.2.4 Analytical Methods

Within one week, the metal samples were analysed with ICP-OES

(Spectroflame). Analytical methods were checked with standard addition in the

matrix. Detection limits (3-a) are listed in Tab. 4.2.

Blanks of filters, bottles, and goethite suspensions were measured to control

that samples were not contaminated. No problems arose for the concentrations used

in this study.

3-9

5-10"6

5-10"4

0.5

0.01

5-10-3
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Table 4.2: Detection and quantification limits for

measurements with ICP-OES

Element Detection limit [M]

Cu 7.8-10-8

Cd 8.9-10"8

Ni 8.5-10-7

pH was measured with an Orion combination electrode (Ross electrode,

model 81-02) connected to an Orion pH meter (model 420A). The electrode was

calibrated with 3 pH buffers from Hamilton Bonaduz AG with pH 4.01 ±0.02,

7.00±0.02, and 9.21 ±0.02.

Oxalate concentrations in the filtrate were measured by ion chromatography

(Dionex, column Asl 1).

4.3 Modelling
The constants used for modelling are summarized in Table 4.3. Modelling

calculations were performed with the speciation programme ChemEQL (Müller,

1996).

tl]: association constants as defined in Smith and Martell (1976, 1977 and 1982), corrected with

Davies equation (b = 0.2) (Stumm and Morgan, 1996) for I = 0.01 M. The components to describe

the equations are Cu2+, Cd2+, Ni2+, Ox2", Sal2", Pyr4", =Fe-OH, and H+, except for the formation of

the metal hydroxo complexes, where the components are the free metal cation and OH".

[1\ from Giammar and Dzombak (1998), corrected with Davies equation (b = 0.2) for I = 0.01 M

[3]: from Evanko and Dzombak (1999), corrected with Davies equation (b = 0.2) for I = 0.01 M.

Details are given in chapter 2.

[4]: this study. Details are given in chapter 2.

[5]: from Mesuere and Fish (1992) and Robertson (1998). Details are given in chapter 3.

[6]: no data could be found in the literature for nickel-pyromellitate complex formation constant



Table 4.3: Equilibrium constants (log K) used in the calculations performed in this chapter (Foot notespage 56).

pKa ligand/surface Copper Cadmium Nickel

Metal hydroxo

complexes

Cu(OH)+ 6.1L1J

Cu(OH)2 11.6m

Cu(OH)3" 14.5[1]

Cu(OH)42- 16.4[1]

CdOH+ 3.8[1]

Cd(OH)2 7.5[1]

Cd(OH)3" 10.2[1]

NiOH+ 4.0[1]

Ni(OH)2 7.8[1]

Ni(OHV 11.0[1]

Oxalate
H2Ox 1.208[1]

HOx 4.133m

CuOx 5.87llJ

Cu(Ox)2 9.74[1]

CuHOx+ 2.87[1]

CdOx 3.53[1] NiOx 4.8[I]

Salicylate
H2Sal 2.9llJ

HSal- 13.61[1]

CuSal 11.14UJ

Cu(Sal)22" 19.4[1]

CdSal 5.9l,J

CdHSal+ 15.8[1]

NiSal 7.5tlJ

Ni(Sal)22- 12.2[1]

Pyromellitate

H4Pyr 0.99m

H3Pyr~ 2.45[1]

H2Pyr2- 4.39[1]

HPyr3- 5.92tl]

CuPyr2- 4.95[2]

CuHPyr" -2.39[2]

CdPyr2" 3.82L1J

Cd(Pyr)26" 5.28[I]

CdHPyf -3.76[1]

Cd2(Pyr)24" 9.48[1]

[6]

Goethite
=Fe-0-H2+ 7.9L5J

=Fe-OH 10.5[5]
=Fe-0-Cu+ 1.9[4] =Fe-0-Cd+ -0.81[4] =Fe-0-Ni+ -0.08[4]

Oxalate Salicylate Pyromellitate

Adsorption of

ligands
=Fe-Ox 9.9[4]

=Fe-OxH 14.5[4]

=Fe-HSal 22.16[3]

=Fe-0-Sal3" 0.687[3]

=Fe-H3Pyr 24.67[3]

=Fe-H2Pyr' 21.91[3]

HFe-Hpyr2- 17.46[3]

=Fe-Pyr3" 11.51P]

=Fe-OH-Pyr4" 6.75[3]

sFe-O-Pyr5- -0.36[3]
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Characterisation of the goethite surface is described in detail in chapter 3, details to

the adsorption reactions of the ligands and the metals are given in chapter 2.

Constants for cadmium and nickel bisoxalate complexes could not be found.

Probably, the bisoxalate complexes are weaker for these metals than for copper and

therefore, constants were not determined. The complexation of copper, cadmium,

and nickel by oxalate, salicylate, and pyromellitate is shown in Fig. 4.4-4.6.

Copper, cadmium, and nickel adsorption on goethite in the presence of the

organic ligands was calculated with two different surface complexation models with

a double layer model to consider the electrostatic interactions:

• model 1: To the surface complexation model for the adsorption ofthe metal

(as described in chapter 2) was added the module considering competition

reactions between the surface functional groups and the aqueous ligands.

• model 2: To the surface complexation model for the adsorption of the metal

were added the modules considering competition reactions between the

surface functional groups and the aqueous ligands, and electrostatic

attraction of the metal by the adsorbed ligand.

6.0E-06

0.0E+00

1.0 3.0 5.0

pH

7.0 9.0

Fig. 4.4: Speciation ofcopper, cadmium, or nickel in an oxalate solution. For each

metal, an oxalate concentration of0.5 mMwas considered, and the concentrations

ofthe three metals were each 5 fiM.
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6.0E-06

O.OE+00

2.0 4.0 6.0

pH

8.0 10.0

Fig. 4.5: Speciation ofcopper, cadmium, or nickel in a salicylate solution. For each

metal, a salicylate concentration of0.5 mM was defined, and the concentrations of
the three metals were each 5 fiM. (Metal complexes defined in Tab. 4.3, but not

shown on thisfigure, are onlypresent in negligible concentrations.)

6.0E-06

0.0E+00

pH
10 12

Fig. 4.6: Speciation of copper and cadmium in a pyromellitate solution. For each

metal, a pyromellitate concentration of 0.5 mM wasdefined, and the concentrations

ofthe metals were each 5 juM. (The cadmium-pyromellitate complexes not shown in

thisfigure are only present in small negligible concentrations.)
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4.4 Influence of Oxalate on the Adsorption
of Copper, Cadmium, and Nickel on

Goethite

4.4.1 Copper-Oxalate-Goethite System
The pH dependence of the adsorption of copper on goethite in the presence of

oxalate is shown in Fig. 4.7. For these experiments, copper concentrations were

5T0~6M, oxalate concentrations amounted to 1-10~3M. The other concentrations

were as defined in Table 4.1. A reference adsorption edge, without oxalate, was

measured in 0.01 M KN03.

Considerably less copper was adsorbed at pH values between 5 and 8 in the

presence of oxalate. Oxalate is a strong complexant and competes with surface

groups for complexation of copper.

Experiments to study kinetic effects were performed by changing the order of

addition of the components. No difference in the adsorption of copper could be

observed (Fig. 4.7), thus it can be concluded that equilibrium was reached within the

equilibration times used in the experiments.

1.2E-05 -I

r_.

W)

o
1.0E-05

S

'O 8.0E-06
<u

Ä
h

o
»5 6.0E-06
"Ü
«

4.0E-06
a
a.

U 2.0E-06

0.0E+00

2.0 3.0 4.0 5.0 6.0 7.0 8.0 9.0

pH

Fig. 4.7: pH adsorption edge ofcopper on goethite in the presence ofoxalate. The

adsorption of copper onto goethite in the presence of oxalate was examined in

different systems to study possible kinetic effects. ([Cu]tot=5 ßM,
[Oxalate]tot=l mM, [goethite]=0.5 g/L).
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*•
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5. ^— — adsorption of oxalate and copper and complexation in solution

Fig. 4.8: pH adsorption edge ofcopper on goethite in the presence ofoxalate. For

comparison, a reference in 0.01 M KNO3, fitted with the DLM model, is shown.

Calculation ofthe copper adsorption in the presence ofoxalate was performed with

models 1 and 2. The oxalate adsorption edge, calculated by model 2 is also shown.

([Cu]tot=5 fiM, [Oxalate]m=l mM, [goethite]=0.5 g/L).

Modelling Results

The results calculated by models 1 and 2 are reported in Fig. 4.8. The

adsorbed copper concentration as well as the calculated adsorbed oxalate are shown.

First, the adsorption of copper in the presence of oxalate was calculated by

model 1, where the adsorption of the metal on the surface and the complexation of

the metal in solution were considered (curve 2 in Fig. 4.8). The adsorption of copper

in the presence of oxalate is clearly underestimated compared to the experimental
data because of complexation of copper by oxalate in solution. Since between pH 5

and 7, co-adsorption of copper and oxalate occurs (Fig. 4.8), interactions between
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these two components on the surface are possible. The simplest interactions are of

electrostatic nature and they are taken into account in model 2 (curve 3 in Fig. 4.8).
Due to specific adsorption of oxalate, the surface gets more negatively charged,
which increases copper adsorption. However, adsorption of copper is still

underestimated. Thus, further interactions between oxalate and copper on the surface

are probable, like e.g., formation of ternary complexes. Possible structures of these

ternary complexes will be discussed in section 4.7.5.

According to the model calculations, oxalate adsorption was slightly
increased at pH values above 6 in the presence of copper (curve 5 in Fig. 4.8). Due

to adsorption of copper, the positive charge on the surface is increased at higher pH
values and oxalate is thus attracted electrostatically on the surface.

4.4.2 Cadmium-Oxalate-Goethite System
The pH dependence of the adsorption of cadmium on goethite in the presence

of oxalate is shown in Fig. 4.9. A reference adsorption edge without oxalate was

measured in 0.01 M KN03. The concentrations used were as defined in Tab. 4.1.

There seems not to be a clear difference between the two adsorption edges.

Possibly, a small enhancement of cadmium adsorption in the presence of oxalate

could be observed in the pH range of about 6-7. At the conditions used in our

experiments, no clear decrease in cadmium adsorption could be observed at higher

pH values.

Modelling Results

Model 1 could describe the pH dependence of cadmium on goethite in the

presence of oxalate sufficiently well (curve 2 in Fig. 4.9). However, in comparison
with the calculated reference curve, it seems that in the model a small amount of

cadmium is complexed by oxalate, which could not be seen in the experiments. As

there is co-adsorption of cadmium and oxalate at pH values between 6 and 8, an

influence of oxalate on the adsorption is likely. Electrostatic attraction of cadmium

due to adsorbed oxalate is taken into account in model 2 (curve 3 in Fig. 4.9). In fact

including the adsorption of oxalate into the model enhanced even slightly cadmium

adsorption compared to the reference adsorption edge.
The calculated curve is steeper than the experimental one because less than

one proton is liberated per adsorbed cadmium. More details are given in chapter 2.
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The adsorption of oxalate is also presented in Fig. 4.9. According to the

model, oxalate adsorption is slightly enhanced compared to the reference at pH

values above 7, due to electrostatic attraction of adsorbed cadmium (curve 5).
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2 adsorption of cadmium and complexation in solution (model 1)
3 —- —adsorption of cadmium and oxalate and complexation in solution

Modelsfor oxalate adsorption:

4 DLM model for oxalate reference

5 — —adsorption of oxalate and cadmium and complexation in solution

Fig. 4.9: pH adsorption edge of cadmium on goethite in the presence of oxalate.

For comparison, a reference in 0.01 M KNO3, calculated with the DLM model, is

shown. Cadmium adsorption in the presence ofoxalate was calculated by models 1

and 2. The pH adsorption edge of oxalate, calculated by model 2, is also shown.

([Cdjtot = 5 fiM, [Oxalate]tot =0.5 mM, [goethite] = 0.5 g/L).

Adsorption of Oxalate in the Presence of Cadmium

The pH adsorption edge of oxalate on goethite in the presence of cadmium is

shown in Fig. 4.10. A reference adsorption edge was measured in the absence of

cadmium in electrolyte medium (0.01 M NaN03). For these experiments, the

cadmium concentration was set to 1.45 uM, oxalate to 10 uM, and goethite to

0.04 g/L. Competition reactions between cadmium and oxalate for goethite
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functional groups could be expected, as the oxalate concentration was in excess to

the concentration of surface groups. However, the adsorption of oxalate on goethite

seemed to be unaffected by the adsorption of cadmium. The slight enhancement of

oxalate adsorption in the presence of cadmium at pH above 7, observed in the

calculations (Fig. 4.9) could not be distinguished clearly under these conditions.

The oversaturation of the surface by oxalate made a description of these

experiments by a surface complexation model impossible. The concentrations of

adsorbed oxalate were more elevated than the concentration of surface sites, thus

formation of more than one monolayer was possible. The concentration of one

monolayer would equal 2.4 uM and calculations showed that approximately 4

monolayers could be formed. No explanation could be found for this phenomenon.
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Fig. 4.10: pH adsorption edge of oxalate on goethite ([Cd]tot= 1.45fiM,
[oxalate] = 10 pM, [goethite] = 0.04 g/L)

4.4.3 Nickel-Oxalate-Goethite System
The pH dependence of the adsorption of nickel on goethite in the presence of

oxalate is shown in Fig. 4.11. A reference adsorption edge, without oxalate, was

measured in 0.01 M KN03.
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Fig. 4.11: pH adsorption edge ofnickel on goethite in the presence ofoxalate. For

comparison, a reference in 0.01 M KNO3, calculated with the DLM model, is

shown. Nickel adsorption on goethite in the presence ofoxalate was calculated by
models 1 and 2. The pH dependence ofoxalate adsorption calculated with model 2

is shown as well. (Equilibration time for nickel and oxalate before addition of
goethite: 0.5 h, adsorption time: 24 h, [Ni]tot= 5 ßiM, [Oxalate] = 0.5 mM,

[goethite] = 0.5 g/L).

At pH values above 7, a decrease in nickel adsorption was observed, whereas

at pH values lower than 7, no influence of oxalate on nickel adsorption could be

observed directly from the experimental adsorption edges. In this system, the ratio

oxalate/nickel equaled 100. However, if this ratio decreased to a value of 1.43, the

adsorption of nickel in the pH range below 6 was clearly increased. (Fig. 4.12).
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Modelling Results

At high pH values, the decrease of nickel adsorption compared to the

reference could not be adequately described by both models, and in the acidic pH

range, the adsorption of nickel was underestimated (Fig. 4.11). A possible

explanation is that the nickel-oxalate complexes which form at pH values above 4

(Fig. 4.4), adsorb at acidic pH values on the goethite surface and form a ternary

complex such as =Fe-Ox-Ni+.

For an oxalate/nickel ratio of 1.43, nickel adsorption on goethite was even

more underestimated by both models (Fig. 4.12). Thus, electrostatic interactions due

to adsorbed oxalate were not likely to be the reason for enhancing nickel adsorption

but rather specific interactions between nickel and oxalate on the surface, i.e.,

formation of a ternary complex, occured.

Prior to addition of goethite, nickel and oxalate were equilibrated together. At

such a low ratio of oxalate/nickel, the main oxalate species in solution at pH values

above 4 is the nickel-oxalate complex. At pH values below 6, oxalate readily

adsorbed on the surface (Fig. 4.13). Thus, upon addition of goethite, the nickel-

oxalate complex, formed previously in solution, adsorbed probably as metal

complex on the surface to form a ternary complex of type B. The effect was more

pronounced at this low oxalate/nickel ratio, as the main oxalate species at pH > 4 in

solution is the nickel-oxalate species, whereas under the conditions of Fig. 4.11 only
about 10% ofthe oxalate formed a complex with nickel.

Another hint for another reaction mechanism in the nickel/oxalate system lies

in the fact that the slope of the adsorption edge changed (Fig. 4.12). In the presence

of oxalate, the adsorption edge was less steep which indicated that less protons were

released per adsorbed nickel. For formation of a ternary complex of type B protons

are even consumed. For more details, see the discussion in section 4.7.2.

Kinetic effects will be discussed in section 4.7.4.
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Fig. 4.12: pH adsorption edge of nickel on goethite in the presence of oxalate

(oxalate/nickel ratio =1.43). The reference (0.01 MNaNOj) was calculated with the

DLM model. Nickel adsorption calculations were performed by models 1 and 2.

(Equilibration time for nickel and oxalate before addition of goethite: 24 h,

adsorption time: 24h, [Ni]tot~ 7 pM, [oxalate] = 10 juM, [goethite] = 0.33 g/L]
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Fig. 4.13: pH adsorption edge ofoxalate on goethite in the presence ofnickel. The

reference (0.01 M NaNOs) was calculated with the DLM model. Oxalate adsorption
was calculated by model 2. (Equilibration time for nickel and oxalate before
addition of goethite: 24 h, adsorption time: 24h, [Ni]tot=7fiM,
[oxalate] = 10 juM, [goethite] = 0.33 g/L]
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Adsorption of Oxalate in the Presence of Nickel

The adsorption of oxalate was measured in the system nickel-oxalate-together

(oxalate/nickel ratio =1.43). The adsorption edge could be described by model 2

(Fig. 4.13). The slight enhancement of the oxalate adsorption, compared to the

reference oxalate adsorption edge in 0.01 M NaN03, at pH values above pH 7 was

interpreted by electrostatic attraction. At pH 7, more than 50% of the nickel were

adsorbed and could thus decrease the negative charge on the surface, which

enhanced the adsorption of oxalate in this pH range.

4.4.4 Summary of the Oxalate System
At pH values above 5, copper and nickel were totally complexed by oxalate

in the absence of goethite. Estimation of the metal adsorption in the presence of

oxalate was performed by two different models. In model 1, considering only metal

adsorption and complexation in solution, metal adsorption was clearly

underestimated. Includmg the adsorption of oxalate into the model (model 2) shifted

the calculated adsorption edge to the left. Thus, electrostatic interactions due to the

adsorbed oxalate could enhance copper and nickel adsorption on goethite, but could

not account for all the metal adsorbed in the experiments. The difference between

the experimental and the calculated curves can possibly be explained by further

interactions of oxalate and the metal cation on the surface, like formation of ternary

complexes. Oxalate is a strong ligand for copper and nickel at pH values above 3.

Thus, it is possible that copper-oxalate or nickel-oxalate complexes were adsorbed

on the goethite surface.

The influence of oxalate on cadmium adsorption was not pronounced.

Complexation of cadmium by oxalate is weaker than for copper or nickel (Fig. 4.4),

and thus competition reactions between the surface functional groups and oxalate in

solution are essentially not of importance. In the acidic pH range, however, a small

enhancement of cadmium adsorption could be observed. This enhancement could be

represented sufficiently well by calculating the adsorption of cadmium with the

model considering cadmium and oxalate adsorption onto goethite and complexation

of cadmium by oxalate in solution. This leads to the conclusion that electrostatic

interactions due to adsorbed oxalate might possibly explain an enhanced cadmium

adsorption.
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4.5 Influence of Salicylate on the

Adsorption of Copper, Cadmium, and

Nickel on Goethite

4.5.1 Copper-Salicylate-Goethite System
The pH dependence of the adsorption of copper on goethite in the presence of

salicylate is shown in Fig. 4.14. A reference adsorption edge, without salicylate, was

measured in 0.01 M KN03. For these experiments, concentrations were as defined in

Tab. 4.1.

In the experimental points, no clear difference could be observed between the

adsorption edge of copper in the presence of salicylate and the reference adsorption

edge (Fig. 4.14).

Modelling Results

Modelling of the adsorbed copper concentrations, as well as the calculated

salicylate adsorption, are shown in Fig. 4.14. Salicylate adsorption calculations with

the constants from Tab. 4.3 are explained in detail in chapter 2.

According to the model calculations performed with models 1 and 2, copper

adsorption should be slightly suppressed in the presence of salicylate (curves 2 and 3

in Fig. 4.14), which, however, could not be observed in the experimental data. This

is a hint that possibly further interactions occur on the surface. Calculations with the

assumption of the formation of ternary complexes are shown in section 4.7.2.

According to model 2, the increase in negative charge of the surface due to

specifically adsorbed salicylate was not large enough to enhance copper adsorption.
This is probably due to the fact that the adsorption of salicylate was maximal at a pH
of about 4 and thus, in the pH range of copper adsorption the electrostatic effect was

not so pronounced.
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Fig. 4.14: pH adsorption edge ofcopper on goethite in the presence ofsalicylate.
For comparison, a reference in 0.01 M KNO3, calculated with the DLM model, is

shown. Copper adsorption in the presence ofsalicylate was estimated by models 1

and 2. The pH dependence ofsalicylate adsorption, calculated by model 2, is also

shown. ([Cujtot — 5 jxM, [salicylate] = 0.5 mM, [goethite] = 0.5 g/L)

4.5.2 Cadmium-Salicylate-Goethite System
The pH dependence of the adsorption of cadmium on goethite in the presence

of salicylate is shown in Fig. 4.15. A reference adsorption edge, without salicylate,

was measured in 0.01 M KN03. For these experiment, concentrations were as

defined in Tab. 4.1.

No decrease in cadmium adsorption in the presence of salicylate was

observed at high pH values. Between pH 5 and 7, however, the adsorption of

cadmium was enhanced compared to the reference system.
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Fig. 4.15: pH adsorption edge ofcadmium on goethite in the presence ofsalicylate.
For comparison, a reference in 0.01 MKNO3, calculated with the DLM model, is

shown. Cadmium adsorption on goethite in the presence ofsalicylate was described

by models 1 and 2. The pH adsorption edge ofsalicylate, calculated by model 2, is

also shown. ([Cd]tot = 5 fiM, [salicylate] = 0.5 mM, [goethite] - 0.5 g/L)

Modelling Results

The adsorption edge of cadmium in the presence of salicylate as calculated by
models 1 (curve 2 in Fig. 4.15) and 2 (curve 3 in Fig. 4.15) was equal to the

adsorption edge calculated in the absence of salicylate. This is not astonishing, since

complexation of cadmium by salicylate is quite weak (Fig. 4.5), and thus a decrease

of cadmium adsorption due to salicylate was unlikely at high pH values.
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The adsorption of salicylate is not likely to enhance cadmium adsorption

through electrostatic effects, because salicylate and cadmium adsorb at different pH

regions (curve 3 in Fig. 4.15).

The enhanced cadmium adsorption in the acidic pH range cannot be

explained by models 1 and 2. Further possible interactions like formation of ternary

complexes will be discussed later (section 4.7.2).

4.5.3 Nickel-Salicylate-Goethite System
The pH dependence of the adsorption of nickel on goethite in the presence of

salicylate is shown in Fig. 4.16. A reference adsorption edge, without salicylate, was

measured in 0.01 M KN03. For these experiments, concentrations were as defined in

Tab. 4.1.

No influence of salicylate on the adsorption of nickel on goethite could be

seen in this system (Fig. 4.16). Neither a decreased nickel adsorption at high pH

values, nor an enhanced nickel adsorption in the acidic pH range could be observed.

Modelling Results

As well in the experimental data as in the calculations performed with models

1 and 2, no difference between the adsorption edge of nickel in the presence of

salicylate and the reference adsorption edge could be observed (curves 2 and 3 in

Fig. 4.16). Salicylate is quite a weak ligand and cannot compete with the surface

ligands for complexation of nickel. Thus, nickel is essentially not complexed by

salicylate in solution even at high pH values (Fig. 4.5).

The adsorption of salicylate is not likely to have an electrostatic effect on the

adsorption of nickel (curve 3 in Fig. 4.16), because the pH regions, where salicylate

and nickel adsorb, were different.
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Fig. 4.16: pH adsorption edge ofnickel on goethite in the presence ofsalicylate.For

comparison, a reference in 0.01 M KNO3, calculated with the DLM model, is

shown. Nickel adsorption on goethite in the presence ofsalicylate was calculated by
models 1 and 2. The salicylate adsorption (as calculated by model 2) is also shown.

([Ni]tot = 5 fiM, [salicylate] = 0.5 mM, [goethite] = 0.5 g/L)

4.5.4 Summary of the Salicylate System
In the experiments shown above, the ligand concentration was always in

excess of the metal concentration, the ratio salicylate/metal was 100. No major

influence of salicylate on the metal adsorption could be observed under these

conditions. Adsorption was not suppressed clearly for any of the three metals

analysed. Only a slight decrease of copper adsorption in the presence of salicylate

was calculated with the models 1 and 2. This is consistent with the complexation
behaviour of salicylate (Fig. 4.5). Cadmium and nickel are only weakly complexed

by salicylate.
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In the experiments, a slight increase of cadmium adsorption in the presence

of salicylate in the acidic pH range was observed. This increase could not be

represented by either model, which is a hint that the increase is due to some

interactions not taken into account by the models. Specific interactions with

salicylate and cadmium, e.g., formation of ternary complexes, can most probably be

excluded as the binding of cadmium by salicylate is weaker than the one of copper

and nickel. For these metals, however, no increased adsorption could be observed.

4.6 Influence of Pyromellitate on the

Adsorption of Copper, Cadmium, and

Nickel on Goethite

4.6.1 Copper-Pyromellitate-Goethite System
The pH dependence of the adsorption of copper on goethite in the presence of

pyromellitate is shown in Fig. 4.17. A reference adsorption edge, without

pyromellitate, was measured in 0.01 M KNO3. For these experiments,

concentrations were as defined in Tab. 4.1.

Essentially no decrease of copper adsorption by pyromellitate could be

observed at high pH values. At pH values between 4 and 5, however, the adsorption

of copper was clearly enhanced in the presence of pyromellitate compared to the

reference system.

Modelling Results

Modelling of the adsorbed copper concentrations as well as the calculated

pyromellitate adsorption, are shown in Fig. 4.17. Pyromellitate adsorption

calculations are shown in chapter 2.

According to the calculations performed with model 1 (curve 2 in Fig. 4.17),

a clear decrease in copper adsorption can be expected at pH values above 5. By

doing calculations with model 2 (curve 3 in Fig. 4.17), the adsorption edge was

shifted to the left with regard to that calculated with model 1. However, adsorption
of copper was still underestimated. Therefore, it is probable that some other

interactions between copper and pyromellitate occurred on the goethite surface, e.g.,

formation of ternary complexes.
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Pyromellitate forms strong complexes with copper between pH 5 and 9

(Fig. 4.6). These complexes may adsorb on the goethite surface to form ternary

complexes of type B or of type A. This assumption will be discussed in section

4.7.2.
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Fig. 4.17: pH adsorption edge of copper on goethite in the presence of
pyromellitate. For comparison, a reference in 0.01 MKNO3, calculated with DLM,
is shown. Copper adsorption in the presence ofpyromellitate was modelled by
models 1 and 2. The adsorption ofpyromellitate, calculated with model 2, is also

shown. ([Cujtot= 5 fiM, [pyromellitate] = 0.5 mM, [goethite] = 0.5 g/L)

4.6.2 Cadmium-Pyromellitate-Goethite System
The pH dependence of the adsorption of cadmium on goethite in the presence

of pyromellitate is shown in Fig. 4.18. A reference adsorption edge, measured in
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0.01 M KN03, is shown as comparison. The concentrations used in these

experiments were as defined in Tab. 4.1.

A clear enhancement of the cadmium adsorption could be observed at pH

values above pH 5.
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Fig. 4.18: pH cadmium adsorption edge on goethite in the presence of
pyromellitate. For comparison, a reference in 0.01 M KNO3, calculated with the

DLM model, is shown. Cadmium adsorption in the presence ofpyromellitate was

described with models 1 and 2. The adsorption edge ofpyromellitate, calculated by
model 2, is also shown. ([Cd]tot= 5 fiM, [pyromellitate] = 0.5 mM,

[goethite] = 0.5 g/L)

Modelling Results

Contrary to the observed adsorption of cadmium on goethite, model 1 (curve
2 in Fig. 4.18) suggested a slight decrease in the adsorption of cadmium.

Considering additionally the adsorption of pyromellitate (model 2) resulted in an
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enhanced cadmium adsorption. The net surface charge of goethite was lowered due

to the specific adsorption of pyromellitate and thus cadmium adsorption was

increased. However, in the acidic pH range, the enhanced cadmium adsorption could

not be described by this model and other interactions on the surface, e.g., formation

of ternary complexes, have to be taken into account. A discussion will follow in

section 4.7.2.

4.6.3 Nickel-Pyromellitate-Goethite System
The adsorption edge of nickel in the presence of pyromellitate on goethite is

shown in Fig. 4.19. For comparison, a reference adsorption edge in 0.01 M KN03

was measured.

1.2E-05

JJ 1.0E-05

o

s
^T 8.0E-06

© 6.0E-06

5 4.0E-06

25 2.0E-06

0.0E+00

B
nickel-pyromellitate-together (5-lCT^M)

* nickel-pyromellitate-together (7.44-1 (T^M)
"

nickel-pyromellitate-together (HO^ M)
O reference

.#
X

X
o X

0.0 2.0 4.0

pH
6.0 8.0 10.0

Fig. 4.19: pH nickel adsorption edge on goethite in the presence ofpyromellitate.
Various concentrations of pyromellitate were used. ([Ni]tot = 5 fiM,
[pyromellitate] = 5-10'4 - 1-10'3 M, [goethite] = 0.5 g/L)

Pyromellitate seemed not to have an influence on the adsorption of nickel on

goethite. Increasing pyromellitate concentration did neither enhance nickel

adsorption in the acidic pH range, nor suppress nickel adsorption. Unfortunately,

complexation constants of pyromellitate with nickel could not be found. However,

as nickel has similar complexation and adsorption behaviour as copper, similar

results can be expected. In the experimental adsorption edge of copper (Fig. 4.17),

no difference in copper adsorption with and without pyromellitate was observed as

well. Only the comparison of the experimental data with the modelling results, gave
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a hint that some interactions between pyromellitate and copper on the surface are

possible. In analogy, the adsorption edge of nickel calculated by model 1 should be

shifted to the right of the reference adsorption edge. This shift will probably be less

pronounced than for copper since nickel generally forms less stable complexes.

Including the adsorption of pyromellitate into the model would increase the negative

charge of the surface, and thus probably enhance nickel adsorption. However, as for

copper, this model probably would still not be able to account for all nickel

adsorbed, which would be a hint for formation of ternary complexes.

Kinetic effects in the adsorption of nickel in the presence of pyromellitate

were checked by changing the order of addition of the components (Fig. 4.20). No

difference between the different systems could be observed and thus it can be

concluded that equilibrium was reached within the equilibration times used in the

experiments.
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The adsorption of nickel onto goethite in the presence ofpyromellitate was also

studied in the Ni-first system to investigate kinetic effects.

4.6.4 Summary of the Pyromellitate System
In the experiments shown, the ligand concentration was always in excess of

the metal concentration; the ratio of ligand to metal was always 100.

No decrease in the adsorption could be observed experimentally for any of

the three metals analysed, although a decrease was calculated by model 1.
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Considering pyromellitate adsorption as well (model 2), the adsorption edges of

cadmium and copper were shifted to the left, but still, copper adsorption was

underestimated. This effect can probably be explained by formation of ternary

complexes of type A or B.

Cadmium showed an enhanced adsorption between pH 5 and 8 compared to

the reference adsorption edge. However, cadmium forms less strong complexes with

pyromellitate than copper (Fig. 4.6), and therefore it is unlikely that more ternary

complexes would be formed with cadmium than with copper.

A definitive conclusion for this system could not be given. The cadmium

adsorption edge calculated for the reference was too steep (see chapter 2 for more

details). Thus, it is also too steep in the ternary system and it was difficult to decide

why the calculated curve did not fit to the experimental data. Possibly, cadmium

adsorption was only increased through electrostatic attraction on the surface.

Another explanation would be the formation of cadmium-pyromellitate surface

precipitates.

4.7 General Discussion of Adsorption

Experiments in the Presence of Simple
Organic Ligands

4.7.1 Summary of the Main Results

The experiments summarised here were all performed at the same conditions,

so that they could be compared with each other. The metal concentrations were

5 uM, the ligand concentration 5 • 10"4 M (except oxalate: 1 mM), and the goethite

concentration was 0.5 g/L.

High pH Range

In the presence of oxalate, a clear decrease in the adsorption of copper and

nickel was measured, whereas in the presence of pyromellitate, no clear influence

could be observed. It could be shown by modelling results, however, that the

influence ofboth ligands on the adsorption of copper and nickel can be explained by

two mechanisms. On the one hand, the adsorption was decreased because of

complexation of copper or nickel by the respective ligand in solution, and on the

other hand it was increased again because of the decreased surface charge due to the
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specific adsorption of ligands and probably also because of the formation of ternary

complexes. In the presence of oxalate, the decrease in the adsorption of both metals

was more pronounced, because oxalate is a stronger complexant in solution than

pyromellitate. Kumar and Fish (1996) as well observed a decrease in adsorption of

copper on soil in the presence of oxalate. Copper concentrations were varied

between 15 uM and 121 uM and oxalate concentrations between 100 and 1000 \iM.

An increased ratio of oxalate to copper concentrations induced a shift of the

adsorption edge to the right, i.e., copper adsorption was decreased
.

Both oxalate and pyromellitate did not show a clear effect on the adsorption

of cadmium. This can be explained by the fact that cadmium forms less stable

complexes with carboxyl groups than copper and nickel and thus, cadmium is less

strongly complexed in solution. Competition reactions for binding of cadmium

between surface functional sites and the added aqueous ligand occur. Cadmium will

be attached to the ligands with the greatest binding strength, which were the goethite

functional groups. Similar results for cadmium adsorption on soil samples and

goethite in the presence of oxalate at high pH values were reported by Elliott and

Denneny (1982), Lamy et al. (1991), and Naidu and Harter (1998).

Salicylate, which is a weak ligand compared to oxalate and pyromellitate, did

not have a pronounced influence on the adsorption of cadmium and nickel. Only for

copper, a slight decrease in adsorption was found.

Low pH Range

In the presence of oxalate and pyromellitate, the adsorption of copper and of

nickel on goethite was enhanced at low pH values. This effect was particularly

pronounced according to model 2 for copper adsorption on goethite in the presence

of pyromellitate. Pyromellitate was shown to adsorb on goethite also at elevated pH

values, thus formation of ternary complexes would be theoretically possible over a

large pH range (Evanko and Dzombak, 1999). Nordin et al. (1998) have shown by

modelling of FTIR studies that pyromellitate adsorbs as inner- and outersphere

complexes on boehmite. Outersphere complexes were found to dominate over the

whole pH range, but an increasing amount of innersphere complexes was found at

pH values below 5.5. These results indicate that pyromellitate is not a very effective

ligand to form ternary complexes, except in the acidic pH range. Applying this

information to our system, it is possible that in the acidic pH range an innerspherical

ternary complex is formed and that at pH values between 5.5 and 7 CuPyr2" may be
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attracted electrostatically to the still positively charged surface (pHpzc=9.2, see

chapter 3).

In the experiments performed with an oxalate/nickel ratio of 1.43, nickel

adsorption was drastically enhanced, which can probably be explained by formation

of ternary complexes. Similarly, ternary complexes in a system at equimolar

concentrations of EDTA and nickel have been reported by other authors (Bowers

and Huang, 1986; Bryce et al., 1994; Nowack et al., 1996 b).

No effect of salicylate could be observed on the adsorption of both copper

and nickel.

Surprisingly, the adsorption of cadmium was enhanced by all three ligands.

The effect was weak in the presence of oxalate and most pronounced in the presence

of pyromellitate. An enhanced cadmium adsorption in the presence of organic

ligands was reported before in several studies.

Lamy et al. (1991) observed a distinct shift to the left of the adsorption edge

of cadmium on goethite in the presence of oxalate, i.e., an enhanced cadmium

adsorption in the acidic pH range. Both cadmium and oxalate concentrations were

10 uM, and the surface sites were in excess. The authors postulated some

interactions of oxalate with cadmium on the goethite surface. However, they did not

give precisions whether cadmium binding occured via chemical bonding, i.e.,

formation of a ternary complex of type B, or whether there was only a coulombic

interaction with an oxalate surface group.

In their experiments performed with surface soils, Naidu and Harter (1998)

explained the enhanced cadmium adsorption in the presence of oxalate by the

formation of ternary complexes.

An enhanced adsorption of cadmium on alumina in the presence of salicylate

was observed by Benyahya and Gamier (1999). In their experiments the

salicylate/cadmium ratio was about 10. The effect was explained by the formation of

ternary complexes, although no spectroscopic evidence for their existence could be

given.

However, as cadmium forms the weakest complexes with all three ligands, it

is unprobable that more ternary complexes are formed with this metal than with

copper or nickel. Possibly another mechanism than formation of ternary complexes

has to be considered to explain the enhanced cadmium adsorption.

In the work of Collins et al. (1999), the enhanced cadmium uptake on

goethite at pH 5 was shown by EXAFS measurements to be due to the formation of

a cadmium oxalate precipitate. However, the concentrations used in this study were
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about 4 mM and 2 mM for cadmium and oxalate, respectively. As the concentrations

of this study were much lower, it remains unsure whether surface precipitation can

explain the enhanced uptake of cadmium at low pH.

It has been shown in several studies that oxalate and salicylate can reduce

goethite photochemically (Siffert and Sulzberger, 1991; Sulzberger et al., 1989). As

our experiments were performed in the dark, dissolution is kinetically very slow and

can be neglected within the equilibration times used in this study .

In general, the following simplified conclusions of the metal adsorption

reactions, performed in the presence of different organic ligands, can be drawn:

• Oxalate is the ligand with the highest tendency to mobilise metals at elevated pH

values.

• Salicylate has no pronounced effect on the adsorption of the metals over the

whole pH range.

• Pyromellitate is the ligand with the strongest tendency of the analysed ligands to

enhance metal adsorption over the whole pH range.

In the following section, effects of the ligands shall be discussed by including

ternary complexes into the model.

4.7.2 Formation of ternary complexes
In the presence of strong organic ligands such as oxalate, metal adsorption

was underestimated in the model calculations, i.e., the calculated adsorption edges

were shifted to higher pH values. The difference between calculated and

experimental adsorption edge could probably be explained by the formation of

ternary complexes. In this section it will be discussed, how formation of the two

possible types of ternary complexes influences the adsorption of metals.

The formation of a ternary complex was included into model 2, using

plausible formation constants in the calculations with the programme ChemEQL.
The goal of this section was further to discuss under which conditions which type of

ternary complex was possibly formed. To achieve this purpose, calculations were

performed over a range of possible constants. This allowed to see clearly, how the

shape of the curve changed with the definition of a ternary complex.
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Formation of ternary complexes of type B

As the formation of this type of ternary complex is ligand-like, metal

adsorption will be enhanced in the acidic pH range. The following reactions were

defined in:

the copper system:

= Fe-OH+CuOx + H+ <=> = Fe-Ox-Cu + H20

= Fe-OH+ CuPyr2~ + H+ <^> = Fe-Pyr- Cu + H20

the nickel system:

= Fe-OH + NiOx + H+ t=> = Fe-Ox- Ni+ + H20

and in the cadmium system:

= Fe-OH+CdOx + H+ £=> = Fe-Ox- Cd+ + H20
= Fe-OH+ CdPyr2' + H+ <=> = Fe-Pyr-Cd" + H20

A first estimation for the formation constant of the ternary complexes was

calculated by the sum of the adsorption constant of the ligand onto goethite and the

complexation constant of the metal by the ligand in solution. The results of these

calculations are shown in Fig. 4.21 a-e.

In the model calculations, metal adsorption is enhanced if the following

statements are true:

• a high amount of ligand is adsorbed in this pH range,

• the metal is strongly complexed in this pH range.

Fig. 4.21: pH adsorption edge of copper, cadmium, and nickel in the presence of
the organic ligand was calculated by including the equation for the formation ofa

ternary complex oftype B into model 2. Calculations were performed over a range

ofconstantsfor theformation ofternary complexes.
a: copper-oxalate-system
b: copper-pyromellitate system
c: nickel-oxalate system
d: cadmium-oxalate system

e: cadmium-pyromellitate system
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In the copper-pyromellitate and the nickel-oxalate system, the experimental

points follow the same trend as the calculated adsorption edge. As a consequence, it

can be assumed that copper and nickel are adsorbed in these systems as a ternary

complex of type B in the acidic pH range.

In the copper-oxalate system, the experimental copper adsorption edge had a

totally different shape than the calculated one. According to the calculations, copper

adsorption should reach a maximum at a pH value of about 2, where both

conditions, described above, become true. Copper adsorption in this system cannot

be described by this model. This is probably due to the fact that goethite-oxalate-

copper complexes are not stable.

Similar reflections can be made for the cadmium-oxalate system, where the

enhancement of the cadmium adsorption as calculated by the model is too

pronounced.

In the cadmium-pyromellitate system, cadmium adsorption was indeed

slightly enhanced at pH values around 5, which could be described by the model

calculations. Altogether, at higher pH values, the adsorption of cadmium could not

be described sufficiently well.
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In all these examples, where the definition of a ternary complex of type B

helped to describe the data, the equilibrium constant for the formation of the ternary

complex can be estimated by the following empirical relationship:

logger = logiÇ^ + logKMeL + y

where y is an empirically defined constant

In our case, the value for y was always about 2. Similar results for the

definition of the formation constant for a ternary complex were found e.g., by Ali

and Dzombak (1996a) and Lövgren (1991).

Formation of ternary complexes of type A

This type of ternary complex, which is metal-like, will enhance heavy metal

adsorption at high pH values. The following reactions were defined

for the copper system:

= Fe-OH+CuOx^ = Fe-0-Cu-Ox~ + H+

= Fe-OH+CuPyr2- <=> = Fe-O-Cu-Pyrl~ + H+

= Fe-OH+CuSal<^ = Fe-O-Cu-SaV + H+

for the nickel system:

= Fe-OH+NiOx& = Fe-O- Ni-Ox' + H+

and for the cadmium system:

= Fe-OH+CdSal& = Fe-O-Cd -Sal' + H+

= Fe-OH+ CdPyr2' d = Fe-O-Cd- Pyr3~ + H+

Calculations were performed by assuming different values for the stability

constant of the ternary complex of type A. A first value was estimated by taking the

sum of the adsorption constant of the metal onto goethite and the complexation

constant of the metal by the ligand in solution. The results of the calculations are

shown in Fig. 4.22 a-f.
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Fig. 4.22: pH adsorption edge of copper, cadmium, and nickel adsorption in the

presence of organic ligands was calculated by including the equation for the

formation ofa ternary complex oftype A. Calculations were performed by assuming
different valuesfor theformation ofa ternary complex.
a: copper-oxalate-system
b: copper-pyromellitate system

c: copper-salicylate system

d: nickel-oxalate system

e: cadmium-salicylate system

f: cadmium-pyromellitate system
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In the copper-oxalate, nickel-oxalate, and cadmium-salicylate systems, the

definition of ternary complexes of type A did not improve the fit of the model to

describe the experimental data. The adsorption behaviour of copper in the presence

of salicylate could be described sufficiently well by forming a ternary complex of

type A. At high pH values, the adsorption of copper in the pyromellitate system

could be described adequately. However, in the acidic pH range, adsorption was

underestimated for the cadmium-pyromellitate system. A definitive conclusion

cannot be drawn, because the calculated cadmium adsorption edge was too steep

(details to this problem are given in section 2.7). For this reason, it is difficult to

decide whether the calculated adsorption edge in the presence of cadmium can

describe the data.

4.7.3 Discussion

The models presented here, although simple, are useful to estimate the

influence of the different effects on the adsorption of metals in the presence of

organic ligands. Calculations were started in the ternary system by considering the

most simple model, i.e., the adsorption of the metal onto goethite and the

complexation of the metal by the ligand in solution. In the systems, where the metal
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was strongly complexed by the ligand, i.e., copper- and nickel-oxalate systems and

copper-pyromellitate system (and probably nickel-pyromellitate system), the

adsorption of the metal was underestimated just by considering the competition

reactions between the surface functional groups and the ligand. Including the

adsorption of the ligand increased metal adsorption in the systems, where

considerable amounts of the ligand and the metal were adsorbed in the same pH

range, i.e., in the oxalate and pyromellitate systems. Altogether, metal adsorption

was still underestimated. The definition of ternary complexes of type B helped to

describe the adsorption of copper in the pyromellitate and of nickel in the oxalate

system, whereas a ternary complex of type A seems to be more adequate to

represent copper adsorption in the presence of salicylate. Possibly both types of

ternary complexes may be formed, e.g., in the copper-pyromellitate system with a

ternary complex of type A at high pH values and type B at low pH values. This

would be consistent with the studies ofNordin et al. (1998), who showed by FT-IR,

that pyromellitate adsorbs innerspherically on boehmite only at low pH values.

Of course, these models are not a proof for the existence of ternary

complexes. Other interactions, which could not be represented by a double layer

model, are possible, e.g., the outersphere adsorption of metal-pyromellitate

complexes or surface precipitation. The outersphere adsorption of CuOx is unlikely

as this complex is uncharged.

To verify the formation of ternary complexes, spectroscopic measurements

would be necessary. By FT-IR and EXAFS measurements it is in general possible to

determine the structural identity and to distinguish between innersphere or

outersphere coordination (Davis and Kent, 1990; Hug, 1994, 1997).

4.7.4 Kinetic effects

Striking is the fact that a ternary complex of type B may help to describe

adsorption of nickel in the presence of oxalate, but fails to represent copper

adsorption. Possibly, this difference can be explained by kinetic effects. Nickel

kinetics are known to be slow due to its electron configuration (Wilkins, 1991). It

has been shown e.g., by Xue et al. (2000), that it takes about 20 h to reach

equilibrium to form Ni(DMG)2 (nickel-dimethylglyoxime) complexes at pH 7.6 in a

system containing 6 uM DMG and 100 nM nickel.

It is possible that the nickel-oxalate complex, formed prior to the addition of

goethite, adsorbs on the surface in the acidic pH range and that the
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thermodynamically more stable binary oxalate surface complex (Schindler, 1990) is

formed by slow desorption of nickel.

Similar kinetic effects were also observed by (Bryce et al., 1994; Nowack et

al., 1996 b) for nickel adsorption on hydrous ferric oxide in the presence of EDTA.

In the system Ni-EDTA-togemer, an enhanced adsorption of nickel in the presence

of EDTA was observed, which could be modelled by the definition of ternary

complexes of type B. However, in the systems Ni-first and EDTA-first, no enhanced

nickel adsorption could be observed which the author explained by kinetic effects.

4.7.5 Influence of the structure of the ligands

Ternary complexes of type B are unlikely with salicylate because of the

unfavourable position of the functional groups. By CIR-FTIR and ATR-FTIR

(cylindrical internal reflection, respectively attenuated total reflection Fourier

transform infrared) measurements, it has been shown, that salicylate adsorbs on

goethite by forming a six-membered ring involving one oxygen from the carboxyl

and the phenolic group and one Fe atom from the surface (Biber and Stumm, 1994;

Yost et al., 1990) (Fig. 4.23). Once adsorbed on the surface, no functional group is

free to complex with a metal cation. Formation of ternary complexes of type A,

however, is possible.

/
/
/

-M //

Fig. 4.23: Possible structure ofsalicylate on goethite

Oxalate and pyromellitate, on the other hand, can probably form ternary

complexes both of type A and B, as their functional groups are more favourably
localised.

Oxalate can possibly adsorb on the goethite surface by forming a five-

membered ring or by forming a surface complex with two iron atoms (Fig. 4.24)
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Fig. 4.24: Possible structures ofoxalate on goethite

Other structures, like those defined for oxalate adsorption on Ti02, are

possible (Hug, 1994), but the exact structures of oxalate on a goethite surface could

not be defined till now. These structures shown in Fig. 4.24, however, are not

favourable for the formation ofternary B complexes.

It has been shown with IR spectroscopy by Boily et al. (2000), that

pyromellitate adsorbs on goethite as an outersphere complex in the pH range from 3

- 9. Below pH 6 additional IR spectroscopic features appeared, which were assigned

to innersphere complexes. Similar results have been obtained by Nordin et al. (1998)

who showed that pyromellitate adsorbs innerspherically on boehmite at pH values

below 5 and outerspherically at pH values above 5. Adsorption experiments

performed with simple aromatic acids can also give information on how

pyromellitate may adsorb. Evanko and Dzombak (1998) showed that with increasing

number of carboxylic groups, the sorption increased and extended over a wider pH

range. This suggests that pyromellitate adsorbs on the goethite surface by binding

with two carboxylic groups. Formation of ternary complexes of type B is possible,

as the two carboxylic groups on the other side of the ring can complex metals.

Although the structures of the ligand complexes on the surface are still not

definitively known, it can be assumed that those shown in Fig. 4.23 and 4.24 are

stable. A ligand probably forms complexes with an adsorbed metal in a similar way

as it does with an iron atom belonging to the goethite crystal. Thus, merely from the

structure of these complexes, it cannot be explained why formation of ternary

complexes of type A is possible for copper in the salicylate system, but not in the

oxalate system. Additional effects, such as charge transfer have to be taken into

account.



5

Adsorption of Cu, Cd, Ni on

Goethite in the Presence of

Natural Groundwater Ligands

5.1 Introduction

A lot of work has been done to investigate the influence of simple organic

ligands on the adsorption of heavy metals on solid phases, e.g. protocatechuic acid

and salicylate by Davis and Leckie (1978 and 1979), oxalate by Collins et al. (1999),

Lamy et al. (1991) and Ragnarsdottir et al. (1998), salicylate by Benyahya and

Gamier (1999), or citrate by Boily and Fein (1996) and Ragnarsdottir et al. (1998).

Recently, interest increased to study the effect on heavy metal adsorption by natural

organic ligands, like humic and fulvic acids (Davis and Bhatnagar, 1995; Hering and

Morel, 1988; Jordan et al., 1997; Koopal et al, 1994; Lo et al., 1992; Murphy and

Zachara, 1995; Temminghoff et al., 1997; Tipping et al., 1991). However, few

studies have been done using unfractionated natural organic matter (NOM). Humic

and fulvic acids represent only a part (about 50%) of the total DOC (Thurman,

1985). Hydrophilic compounds (about 30% of the total DOC) are not taken into

account when investigating only the humic and fulvic fraction. Although the

chemical nature of these acids is hardly known, they are thought to be similar to

humic material, with more -COOH and -Oil groups and lower molecular weights

(Aiken et al., 1985). As proton and metal binding properties are assumed to be

similar to the fulvic fraction (Christensen et al., 1999), the complexation capacities

of the hydrophilic acids must be taken into account when investigating complexation
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of metals by DOC in a natural water. The other 20 % of the DOC are simple

molecules like glucides, or amino acids. The properties of these components are

poorly characterised.

In this study, the influence of a natural unfractionated groundwater DOC at

environmental concentrations on the adsorption of copper, cadmium, and nickel on

goethite was investigated in detail. Groundwater, which was sampled from a river

water infiltration site in Switzerland, was filtered and degased^ and used without

further treatment. Important points of this work were that unfractionated DOC

without preconcentration was used for the experiments and that metal concentrations

as well were close to environmental conditions. As experiments were performed in

the natural groundwater matrix interactions with other ions, such as calcium,

magnesium, or phosphate could also be analysed. Furthermore, the adsorption of

other trace metals, such as chromium, lead, and cobalt could be determined

simultaneously at their natural concentrations. Experiments were performed with

batch laboratory systems, using as a simplification for this rather complex system a

synthetic solid phase, a goethite sample which had been well characterised in

collaboration with other groups (Ehrhardt, 1999). Models for estimating metal

adsorption in the presence of natural organic ligands will be presented, in which

interactions with other anions and cations will also be taken into account.

5.2 Sampling site and methods

Description of Sampling Site

The field site is located in Glattfelden in the lower Glatt Valley, Switzerland.

The river water is a typical calcium carbonate water, about 40% from its discharge

originate from lake Greifen, and about 15 % from several sewage treatment plants

located upstream of the field site (von Gunten et al., 1991). In the region of

Glattfelden, the Glatt is hydraulically connected to shallow groundwater and

infiltrates permanently into the top layer of the saturated aquifer (von Gunten and

Kull, 1986) at a flow rate of 0.4 - 0.8 m3/d per square meter of infiltration area

(Hoehn and Santschi, 1987; Hoehn and von Gunten, 1989). The aquifer in the Glatt

Valley consists of tightly packed glacio-fluvial outwash deposits of gravel and

interbedded layers of sand (von Gunten et al., 1991). Quartz and calcite contribute to

more than 60 % of the mineral composition of the aquifer (von Gunten and Kull,

1986).
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A scheme of the sampling site is shown in Fig. 5.1. The groundwater flow in the

aquifer is indicated with arrows. Three groundwater layers can be distinguished at

this site (Hoehn et al., 1983):

• Zone B: freshly infiltrated river water. This water can be found up to a distance

of 13 m from the river.

• Zone C: river water infiltrated further upstream

• Zone D: deep groundwater. Due to the stratification of the sediments, only little

mixing of infiltrated river water with deep groundwater occurs (von Gunten and

Kull, 1986). This water does not show any seasonal variations.

Fig. 5.1: Infiltration Site of water from River Glatt in Glattfelden (Switzerland)
(adaptedfrom Hoehn et al. (1983))

A network of observation wells was laid over the whole area. They allow

sampling at different depths and distances from the river. In this study, groundwater

samples were taken in the upper infiltration groundwater (GW) and from the deep

groundwater (deepGW). The sites are shown in Fig. 5.1 and characteristics of the

corresponding wells are listed in Tab. 5.1.

At this site, the behaviour of contaminants during infiltration of the river

water in unconfined groundwater has been extensively studied (Jacobs et al., 1988;

Schaffner et al., 1986; Schwarzenbach et al., 1983; Schwarzenbach and Westall,

1981; von Gunten and Kull, 1986).
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Table 5.1: Technical details ofthe wells (from Hoehn et al. (1983))

Water Well
Distance from

river [m]

Depth from

river [m]pl
Depth of

infiltration(1)

GW PZ3 9 8 B

deepGW KblT - 25.2 D

letters defined in Fig. 5.1

l2J: from bottom of Glatt

Description of Sampling Campaigns

Samples were collected from the wells PZ3 (GW) and KBIT (deepGW) in

February 1999, and from well PZ3 in May 1999 and November 1999. Results of the

three sampling campaigns are presented in Table 5.2.

In February, the Glatt had a normal water discharge rate and the

concentrations were comparable to previous measurements (Nowack, 1996).

Groundwater from the well PZ3 contained much more particulate matter than

usually observed. We could not find any explanations for this phenomenon, which

had not been observed in previous, nor in following sampling campaigns.

In May 1999, the whole site had been inundated and infiltration groundwater

had mixed with deep groundwater. As a consequence, the concentrations of DOC

and heavy metals in the infiltration groundwater were lower than expected.

In November 1999, the Glatt had a normal water discharge and

concentrations were comparable to previous measurements (Nowack, 1996).

The depth of the groundwater was determined with an electric tape, and water

was pumped 50 cm below the surface of the groundwater with a submerged pump

(Whale), which was operated at a flow of 1 1/min. Prior to sampling, water was

pumped for at least 20 minutes to remove old water from the pipe.

Special precautions were taken to avoid contamination in trace metal

sampling. Bottles, syringes, and filters were soaked for at least 3 days in 0.1 M

HN03 suprapure. Bottles were transported to and from the field site wrapped in two

plastic bags. The outer bag was removed immediately after arrival in the laboratory.

For taking all samples, plastic gloves were worn. To detect any systematic

contamination, blanks were taken on the field. These were nanopure water and were

treated in exactly the same manner as the samples. Two replicates of each sample

were taken. Values shown in this study represent an average of these measurements.
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The samples were taken directly at the outflow of the pump and metal and

EDTA samples were filtered on site in precleaned PE-tubes through 0.45um filters

(Acrodisc, Gelman Science).

Analytical Methods

Samples for total metal analysis were acidified with HN03 to a final

concentration of 0.01 M. Total concentrations of heavy metals were measured with

ICP-MS (ELAN 5000), except for iron which was measured with GF-AAS (Perkin

Elmer 5100 ZL). Ca and Mg were analysed with ICP-OES (Spectroflame).

Samples for EDTA were stored in dark bottles in order to prevent

photolytically induced degradation. EDTA concentrations were determined by

HPLC (Nowack et al., 1996 a).

Samples for DOC and major anions (N03~, S042\ CI", P043") were collected

in glassware and filtered in the laboratory (0.45um cellulose nitrate filters, Sartorius

(February and May) or Acrodisc, Gelman Science (November)). DOC

measurements were performed on a Shimadzu 500 TOC Analyzer. Nitrate, sulphate,

and chloride were measured by ion chromatography (Dionex, column ASH), and

phosphate by a colorimetric method with ascorbic acid on a Technicon® Auto

Analyzer®II. Alkalinity was determined by Gran plot titration (Stumm and Morgan,

1996).

Oxygen was determined with an oxygen electrode in the respective well. In

February, the water was pumped at a reduced flow rate before measuring the oxygen

concentration. In May, the oxygen content was measured directly in the well by

descending the sensor. pH (with a WTW pH 323 meter) and conductivity (with a

testo® 240 conductivity meter) were measured on site. Temperature could be

measured with either the pH- or the conductivity meter. The pH meter was

calibrated with two buffers of pH 7.00 and 10.01. No corrections were made for the

temperature.



Table 5.2: Mean dissolved (< 0.45um) concentrations in the groundwater during the samplingperiods ofFebruary, May,

and November 1999

Parameter Unit
GW

(February)

GW

(May)

GW

(November)

DeepGW

(February)

pH 7.61 7.35 7.18 7.17

Temperature °C 5.6 15 14.3 10.8

Depth m 6.4 4.13 5.01 5.27

Conductivity |iS/cm 632 503 637 719

Oxygen mg/L 4.56 2.28 - 7.21

Total Alkalinity mM 4.44 4.28 4.9 6.06

Ca mM 2.3 1.89 2.24 2.9

Mg mM 0.74 0.6 0.85 1.08

B M 1.3-10"5 - - 4.6-10-6

Mn M 2.9-10-8 5.51010 1.6910"9 4.9-10-10

Zn M 3.9-10"8 3.2-10"8 5.5-10"9 3.8-10-8

Pb M 2.6-10-10 6.7-10"10 4.8-10"10 9.6-10-10

Cu M 3.8-10"8 6.1-10-8 6.07-10'8 9.4-10-9

Ni M 1.4-10'8 1.9-10"8 2.3-10"8 7.2-10-9

Cd M 3.6-10"10 1.8-10"10 6.5-10-10 <9-10-11

Co M 1.3108 1.5-10'8 8.14-10'9 -

Cr M 4.02-10-8 7.4-10'8 - -

Fe M 3.MO-7 - - 1.64-10-8

Cl mM 1.14 0.57 1.1 0.68

NO, mM 0.33 0.25 0.45 0.44

P04 M - 5.6-10"6 9.34-10"6 -

S04 mM 0.72 0.57 0.94 0.79

DOC mg/L 1.9 2.3 1.5 <0.5

EDTA M - - 6.14-10'8 -

-: not analysed
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5.3 Experimental Conditions

5.3.1 Chemicals

Metal solutions were prepared from metal stock standards from Baker

Analyzed® (copper, nickel, cadmium, and magnesium: 1 mg/L Baker Instra-

Analyzed®, calcium: 10 mg/L Baker Instra-Analyzed®). Following chemicals were

from Fluka: Biochemika grade: KCl, HEPES (4-(2-hydroxyethyl)-piperazine-l-

ethane-sulfonic acid), MES (2-morpholinoethanesulfonic acid monohydrate, and

grade Chemika: K2S04 and K3P04). KN03, HCl (30%), and H202 (30%) were used

from Merck suprapur®.
All nitric acid dilutions were prepared from HN03, 65%, Merck suprapur®.

All NaOH dilutions were prepared from 50% NaOH solutions (Baker Analysed®). In

such solutions, carbonate precipitates as Na2C03 and can thus be eliminated by

filtration (Öhman and Sjöberg, 1996). The polypropylene bottles and the nanopure

water used for the dilution were purged previously to use with argon and nitrogen,

respectively. In order to prevent the NaOH solution to come into contact with air,

mixing as well as storage was done under argon atmosphere. NaOH solutions were

only used for 24 h.

All solutions were prepared with deionized water (18MQ Q-H20 grade

Barnstead Nanopure) in bottles soaked for at least 24 hours in 0.1M HN03. For

metal, NaOH, and HEPES solutions, polypropylene bottles were used. All other

solutions were prepared in glass ware.

5.3.2 Pretreatment of groundwater
Groundwater was sampled from the sites described in the previous section.

This water was transported within 3 h to the laboratory where it was filtered

immediately (0.45um, Sartorius Cellulose Nitrate filters). Filters were soaked for at

least 24 h in 0.1M HN03 and rinsed with nanopure water before use. After filtration

the groundwater was acidified with HN03 to pH 4.3 and degased with nitrogen. It

was stored in the dark at 4°C.

There are different reasons to degas. First, it is easier to maintain a constant

and well-defined pH in a carbonate-free system. Secondly, carbonate is known to

interact electrostatically with oxide surfaces, change their surface charge and thus to

have an influence on the adsorption of cations (Balistrieri and Murray, 1982; Sunda
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and Hanson, 1979; van Geen et al., 1994). Thirdly, the precipitation of metal

carbonates could be hindered (Cowan et al., 1991).

The experiments with natural groundwater were all performed within three

weeks. DOC and total metal concentrations were repeatedly measured during this

time to make sure that their concentrations remained constant.

5.3.3 Treatment of Goethite

Goethite purchased from BASF was treated as described in Chapter 3. It was

stored in suspensions of 20 g/L in polyethylene bottles. Because acid-base equilibria

on solid surfaces are slowly established, suspensions were equilibrated at least 24 h

at the pH values of the following experiments (pH 3.5, acidified with HN03, and

7.35, pH adjusted with NaOH). Before use, goethite suspensions were thoroughly

shaken. Pipetting of goethite into the bottles used for the experiments was done with

an error smaller than 4 %.

5.3.4 General Experimental Setup

Experiments were performed at 25 °C as batch systems in 100 mL

polypropylene beakers (Semadeni Art. Nr. 2064), soaked for at least 24 hours in

0.1 M FfN03 and rinsed before use with nanopure water.

pH between 5.2 and 7.2 was buffered with MES (concentration 5-10"3 M) and

between pH 7.2 and 7.8 with HEPES (concentration 5-10"3 M). Below pH 5.2 and

above pH 7.8, no buffers were used and the pH was adjusted by adding HN03 or

NaOH.

To remove C02, all samples were purged with nitrogen before the adsorption

reaction for at least 30 min and whenever the bottles were opened. All solutions

used were either purged with nitrogen, or prepared C02-free (see section 5.3.1).

Because of possible photoreduction of goethite by organic ligands,

experiments were carried out under red light (X > 560 nm) (Siffert and Sulzberger,

1991; Xyla et al., 1992).

Because the order of addition of the different components may show that

kinetic effects are important, different systems were investigated (Fig. 5.2). Metal

stands for copper, cadmium, or nickel. Adsorption edges were measured between

pH 3 and 9. The goal of these experiments was to analyse the pH dependence of the

metal adsorption. In order to get more experimental points at one pH value,
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adsorption isotherms were recorded at pH 3.5 and pH 7.35. pH 3.5 was chosen as

this pH is easy to adjust without buffers and thus it is possible to avoid interferences.

pH 7.35 was the natural infiltration groundwater pH in May 1999 (Tab. 5.2).

System
"metal-DOC-

together":

System
"Metal-first":

System
"DOC-frrst":

Sample

a+FeOOH

Blank

metal
DOC

DOC

met

metal
a-FeOOH

DOC
u-FeOOH

JSToÖ

DOC

B20

Fig. 5.2: Several systems were analysed in order to investigate the effect of the

order of addition of the different components. For every second sample, a blank,
without goethite, was analysed in order to consider metal losses on beaker walls

and contamination problems. Blanks were treated in exactly the same manner as the

samples.

System "metal-ÖOC-together"

The groundwater was first equilibrated with the metals (cadmium, copper, or

nickel) at the desired pH value. The ionic strength was adjusted to 0.01 M with

KN03. Afterwards goethite was added and the samples were equilibrated in the dark

on a side-to-side shaker. Concentrations and equilibration times are listed in

Tab. 5.3-5.6.

System "metal-first"

Goethite, metal, and buffer (concentrations in Tab. 5.3 - 5.5) were allowed to

equilibrate. Afterwards 50 mL groundwater and the electrolyte, KN03, were added.

The pH was verified and the samples could equilibrate again. Equilibration times are

listed in Tab. 5.6.
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System "ÖOC-first"

50 mL groundwater, goethite and electrolyte, KN03, were allowed to

equilibrate at the desired pH value before the addition of the metals. Then the metals

were added to concentrations listed in Tab. 5.3 - 5.5 and the samples were allowed

to equilibrate again. Equilibration times are reported in Tab. 5.6.

The system "metal-DOC-together" was analysed as well in acidic conditions

as at pH-values above 7, whereas the systems "metal-first" and "DOC-first" were

only analysed at pH 7.35 and pH 3.5, respectively.

These experiments were all carried out in the natural groundwater. This water

includes besides the concentrations of the major anions and cations also trace

concentrations of heavy metals, like chromium, cobalt, or lead (Tab. 5.2). The

adsorption of these metals at their natural concentrations, i.e., without any further

addition, in a natural groundwater matrix could be determined in the "Ni-DOC-

together", "Cu-DOC-together"; and "Cd-DOC-together" systems by using ICP-MS

for the simultaneous measurement of several metals (see section 5.12).

After the final equilibration step, pH was measured again under nitrogen

atmosphere. This value was used for the data evaluation. Afterwards samples were

filtered (0.45um, Acrodisc Gelman Science) and acidified to 0.01 M HN03.

Table 5.3: Parameters for Copper Experiments

Systems "Cu-DOC-together" "Cu-first" "DOC-first"

pH 3.5±0.05 3.5±0.05

Cu[M] 6-10"8-3-10"7 610-8-3107

I[M] 0.01 0.01

goethite cone. [g/L] 0.1 0.1

pH 7.35±0.05 7.35±0.05

Cu[M] 8-10'8-3-10"7 8-10-8-3-10"7

I[M] 0.01 0.01

goethite cone. [g/L] 0.1 0.1

pH 3-9 3-9 3-9

Cu[M] 3.03-10*7 3.03-10"7 3.03-10"7

I[M] 0.01 0.01 0.01

goethite cone. [g/L] 0.5 0.5 0.5
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Table 5.4: Parameters /or Cadmium Experiments

Systems "Cd-DOC-together" "Cd-first" "DOC-first"

pH 7.35±0.05 7.35±0.05

Cd[M] 8.8-10'10-7-10'9 8.8-10'10-7-10'9

I[M] 0.01 0.01

goethite conc. [g/L] 0.1 0.1

pH 2.4-8.2 2.4-8.2 2.4-8.2

Cd[M] 1.3-10"9 1.3-10"9 1.3-10'9

I[M] 0.01 0.01 0.01

goethite conc. [g/L] 0.1 0.1 0.1

Table 5.5: Parametersfor Nickel Experiments

Systems "Ni-DOC-together" "Ni-first" "DOC-first"

pH 3.5±0.05 3.5±0.05

Ni[M] 5.7-10'8-2-10"7 5.7-10-8-2-10'7

I[M] 0.01 0.01

goethite conc. [g/L] 0.1 0.1

pH 7.35±0.05 7.35±0.05

Ni[M] 5.5-10"8-2-10"7 5.5-10"8-2-10'7

I[M] 0.01 0.01

goethite conc. [g/L] 0.1 0.1

/># 2.8 - 8.2 2.8-8.2 2.8-8.2

Ni[M] 2.8-10"7 2.8-10-7 2.8-10"7

I[M] 0.01 0.01 0.01

goethite conc. [g/L] 0.5 0.5 0.5
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Table 5.6: Equilibration in the different systems. Metal standsfor

copper, cadmium, or nickel.

System "metal-DOC together"

Equilibration time metal-DOC 0.5 hours

Adsorption on goethite 4 hours

System "metal-first"

Adsorption time ofmetal on goethite 2 hours

Equilibration time with DOC 4 hours

System "DOC-first"

Adsorption time ofDOC on goethite 2 hours

Equilibration time with metal 4 hours

Additional precautions to be taken when working with low metal

concentrations

In order not to saturate the complexation capacities of the ligands by addition

of metals, experiments were done at low metal concentrations. Hence,

contamination problems and metal losses on beaker walls had to be considered.

Blanks were analysed for every second sample. These were samples without

goethite, to which an equivalent volume of nanopure water was added instead of

goethite. They were treated in exactly the same manner as the corresponding

samples. A control ofthe initial metal concentration in the samples was achieved by

measurements of the total metal concentration in the blanks. In the absence of

contamination and metal losses on beaker walls, these concentrations should equal

the calculated initial concentration of the corresponding sample. If these two

concentrations differed by more than 10% further investigations were necessary, or

the sample was rejected. Furtheron, blanks of the bottles, goethite suspensions, and

the filters had been analysed. The former two did not present any problems, whereas

blanks of the filters were determined to contain about M0~8M copper and

5.65-10~9 M nickel. Cadmium was below the detection limit.

Reference Samples

In order to see the effect of the organic ligands on the adsorption of metals on

goethite, references were measured. References are samples without DOC, and three

types of them were analysed:
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Simple ionic medium

The ionic strength was adjusted to 0.01 M with KN03.

Irradiated groundwater

H202 was added to a concentration of 0.05 M to filtered groundwater. The

water was filled into quartz tubes and irradiated with a Hg-lamp during 18

hours. UV-oxidation with H202 is a powerful method to oxidize DOC in

natural waters (Pisch et al., 1993). After this treatment, no DOC could be

detected (Detection limit: 0.5 mg/L).

Synthetic groundwater

A synthetic groundwater was made up with nanopure water containing the

major anions (Cf, S042\ P043") and cations (Ca2+, Mg2+) (Tab. 5.7). The ionic

strength was adjusted with KNO3 to 0.01 M. Depending on the experiments,

either sulphate or phosphate were added to the synthetic groundwater.

Table 5.7: Concentrations ofcations and anions in synthetic groundwater

Parameters with Sulphate111 with Phosphate111
Ca2+ [M] 1.89-103 1.89-10"3

Mg2+[M] 6IO-4 610"4

Cl" [M] 5.6T0"4 5.610"4

S042" [M] 1.9-10'4 -

HXP04X"3 [M] - 9.3-10"6

.
ions are counterbalanced by addition of KNO3 in order to get a total ionic strength of

0.01 M

5.3.5 Analytical Methods

Total Metal Concentration Measurements

Within one week, the samples were analysed with ICP-MS (ELAN 5000). Rh

was used as internal standard. The isotopes measured were 65Cu, 60Ni, 112Cd, 53Cr,
208Pb, and 59Co. Analytical methods were checked with standard addition in the

groundwater ionic medium and with external standards (Certified Reference

Material SLRS-3, riverine water, National Research Council Canada, Institute for

Environmental Chemistry, Ottawa, Canada). Detection limit (3-a) and quantification

limit (10-g) are listed in Table 5.8.
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Table 5.8: Detection and quantification limitsfor measurements with ICP-MS

Element Detection limit [M] Quantification limit [M]

65Cu 3.15-10"10 1.1-10'9

60Ni 3.14-1010 9.54-10"10

114Cd 8.89-10"11 1.78-10"10

53Cr 2.7-10-9 8.85-10"9

208pb 9.1-10"12 9.65-10"11

59Co 1.7-10-10 5.09-10"10

The amount of metal sorbed was calculated from the difference between the

initial concentration, i.e., the concentration measured in the blank, and the measured

concentration in the filtrate after the adsorption reaction.

Metal Complexation in Solution

In order to estimate metal complexation constants with the natural ligands,

metal titration curves of groundwater were analysed. These experiments were

carried out with a ligand exchange DPCSV method (differential pulse cathodic

stripping voltammetry) for copper and nickel, and a ligand exchange DPASV

method (differential pulse anodic stripping voltammetry) for cadmium. The methods

have been described in detail by Xue et al. (1996) (copper), Xue and Sunda (1997)

(copper and cadmium) and by Jansen (1998) and Prasch (1999) (nickel). The total

metal concentration ranges analysed by the voltammetric methods were for copper:

610~8 M to 1-107 M, for cadmium: 1.78-10-10 M to 9.12-10'9 M, and for nickel:

1.5-10"8to5-10_8M.

Copper complexation measurements were performed additionally with a

copper ion selective electrode (Cu-ISE) in the concentration range 8-10~8M to

8-10"6 M. A detailed description of the method has been given by Hari (1998).

5.4 Modelling description

5.4.1 Metal Complexation by Infiltration Groundwater

Organic Ligands

Although it is widely recognised by now that complexation properties of

natural ligands are best described by a continuous distribution of complexation
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constants, we decided to use a discrete model that is easier to combine with the

adsorption model.

In order to minimise the degrees of freedom and to keep the model as simple

as possible, parameters were estimated with a minimum number of metal ligands.

For each of these ligands, four pKa values were fixed (Eq. 5.1):

HAL^ H3L:+H+ pKal=4 [5.1]

H3L ^ H2L2~+H+ pKa2 = 6

H2L2~ <& HÜr+H+ pKa3 = 8

HÜ~ & L*-+H+ pKa4=10

Carboxylic acids are represented by pKa 4 and 6, amino acids by pKa 8 and

phenolic groups by pKa 10. A ApKa of 2 is a good compromise between good

convergence when a small ApKa is chosen and a systematic set of parameters if a

large ApKa is used (Westall et al., 1995).

Parameter estimation was performed with the programme FitEQL (Herbelin

and Westall, 1994). The relative error of the total metal concentration was fixed to

10 % and the absolute error of total metal concentration was defined to be 10 % of

the initial total metal concentration, i.e., for copper: 5-10~9M, for cadmium:

2.8-10-10 M, and for nickel: 5-10"9 M. The goodness of fit was mainly checked by

the WSOS/DF factor (weighted sum of squares divided by the degrees of freedom.

For more information see chapter 2 and the description from Herbelin and Westall

(1994)).

Complexation of copper, cadmium, and nickel was described with the lowest

necessary number of ligands in the respective titration range.

5.4.2 Metal Adsorption on Goethite in the Presence of

Groundwater Organic Ligands

By combining the surface complexation model for the metals in the absence

of ligands with the complexation model of the metals by organic ligands as defined

in the previous paragraph, metal adsorption on goethite in the presence of the natural

organic ligands could be calculated. Constants used for these calculations were

determined independently. Parameter estimation for metal adsorption on goethite

was described in chapter 2. Calculations were performed with the speciation

programme ChemEQL (Müller, 1996). The constants used for modelling are listed

in Tab. 5.9.



Table 5.9: Constants used to calculate metal adsorption on goethite in the presence ofgroundwater organic ligands (Foot
note page 111).

pKa ligand/surface Copper Cadmium Nickel

metal

hydroxo

complexes

Cu(OH)+ 6.1L1J

Cu(OH)2 11.6[1]

Cu(OH)3- 14.5[1]

Cu(OH)42' 16.4[1]

CdOH+ 3.8L1J

Cd(OH)2 7.5[1]

Cd(OH)3" 10.2[1]

NiOH+ 4.0[1J

Ni(OH)2 7.8[1]

Ni(OH)3" 11.0[1]

infiltration

groundwater

ligands

H4LXL2J 4

H3Lx-[2] 6

H4LX2"[2] 8

HLXH2] 10

CuLj2- 16.3[3]

CuL22" 14.6[3]

CuL32" 11.0[3]

CdL!2" 13.6[3]

CdL22" 9.7[3]
NiL,2' 17.4[3]

deep

groundwater

ligands

H4Lxl2J 4

H3Lx-[2] 6

H4LX2- 8

HLX3_[2] 10

CuL!2" 15.7[3]

CuL22" 14.5[3]

CuL32" 8.7[3]

[6] [6]

Goethite =Fe-0-H2+ 7.9L4J

=Fe-OH 10.5[4]
=Fe-0-Cu+ 2.93[4] =Fe-0-Cd+ -0.18[4] =Fe-0-Ni+ 0.46[4]

Phosphate

H3P04 2.104llJ

H2P04' 7.07[1]

HP032' 12.13[1]

CuHP04 15.85[1]

CuH2P04+ 20.89[1]
[7] NiHP04[1] 21.67
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5.4.3 Influence ofPhosphate on Metal Adsorption on Goethite

Phosphate has been assumed to adsorb innerspherically (Ding et al., 2000;

Hawke et al., 1989; Nilsson, 1995; Parfitt and Atkinson, 1976; Parfitt et al., 1977;

Sigg, 1979; Tejedor-Tejedor and Anderson, 1990), and may thus lower the surface

charge and have an influence on metal adsorption (see section 1.5). Phosphate

adsorbs over a wide pH range (Fig. 5.3), and the main phosphate species on the

surface are =Fe-P04H" at pH < 4, and =Fe-P04
"

at pH values above 4. Following

adsorption reactions were considered for the calculations (Sigg, 1979):

= FeOH+H,P04& = FeP04H2+H20 logK, = 9.5

= FeP04H2 & = FeP04H~ + H+ log K2 = -4.4

= FeP04H~ <=> = FePO2' + H+ log K3 = -6.6 [5.2]

2 = FeOH + H3P04 <^> = Fe2P04H + 2H20 log K4 = 8.5

= Fe2P04H^> =Fe2PO'4+H+ logK5=-4.0

Influence of phosphate on metal adsorption was estimated by combining the

DLM metal adsorption model with the complexation of the metal by the organic

ligands and phosphate (Tab. 5.9) and by including phosphate adsorption

(reaction [5.2]). Calculations were performed with the speciation programme

ChemEQL (Müller, 1996).

[11: association constants as defined in Smith and Martell (1976, 1977, and 1982), corrected with

Davies equation (b = 0.2) (Stumm and Morgan, 1996) for I = 0.01 M. The components to describe

the equations are Cu2+, Ni2+, P043", and H+, except for the formation of the metal hydroxo

complexes, where the components are the free metal cation and OH".

[2]: x = 1,2, or 3, according to the number of ligands needed to describe metal complexation.
[3]: defined in this study. Details are given in this chapter.
[4]: defined in this study. Details are given in chapter 2.

[5]: from Mesuere and Fish (1992a); Robertson (1998).
.
no parameter estimation was performed for these systems.

[7]: no data found
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Fig. 5.3: Phosphate adsorption on goethite. Modelling was performed by using the

surface complexation model with the DLM for electrostatic interactions. The

reactions [5.2] were used for calculations. (Assumed concentrations:

[HxPOr3] = 9.34-KT6, [goethite] = 0.1 g/L)

5.4.4 Influence of Calcium and Magnesium on Metal

Adsorption on Goethite

As concentrations of calcium and magnesium were several orders of

magnitude higher than the concentration of copper, competition reactions for surface

sites could be expected (see section 1.5). Model calculations, where the adsorption

of calcium on goethite was considered, were performed. Following reactions were

used to describe calcium adsorption on goethite (Dzombak and Morel, 1990) (they

have been defined for a double layer model for amorphous iron oxide):

[5.3]
.2+

= Fe-OH+ Ca1 & = Fe- OH-Ca
2+

-2+

log Ki=6.68

Fe-OH+ Ca'+ «=> =Fe-0-Ca+ +H+ log K2=-5.6

By adding these reactions to those of Tab. 5.9, metal pH adsorption edges

were estimated in the presence of calcium. Calculations were performed with the

speciation programme ChemEQL (Müller, 1996).
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5.5 Influence of a Groundwater Matrix on

the Adsorption of Copper on Goethite

5.5.1 pH Adsorption Edge of Copper on Goethite in an

Infiltration Groundwater Matrix

The pH dependence of the adsorption of copper on goethite in the presence of

natural organic ligands was measured in the three systems defined in Fig. 5.2. As

reference, without DOC, copper adsorption was measured in 0.01 M KN03.
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Fig. 5.4: pH adsorption edge of copper on goethite in the presence of infiltration

groundwater organic ligands measured in 3 different systems. (Sampling Campaign

February 1999). ([CuJtot= 3.03-KT7 M).

Clearly less copper was adsorbed at pH-values above 6 in the systems "Cu-DOC-

together" and "DOC-first" than in the reference system without DOC (Fig. 5.4).

This could be explained by competition reactions between complexation in solution

and adsorption on the surface. Specific ligands in solution complexed copper

strongly enough to mobilise it. In the system "Cu-first", apparently more copper was

adsorbed than in the two other systems, which could be explained by kinetic effects.

In these experiments, copper was adsorbed on the surface prior to addition of DOC,

i.e., in the absence of competition reactions. Desorption kinetics of copper are slow

and the ligands, added after 2 hours, were not capable to completely remobilise the

copper within the equilibration time of 4 hours. Competition reactions between the
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surface and the solution ligands could be studied in more detail with the adsorption

isotherm at pH 7.35. (see section 5.5.3).

5.5.2 Adsorption of Copper on Goethite in an Infiltration

Groundwater Matrix at pH 3.5

In the absence of organic ligands, copper is supposed not to adsorb at pH 3.5.

This was confirmed by recording an adsorption isotherm in 0.01 M KN03. In the

presence of the infiltration groundwater organic ligands, however, a clear adsorption

can be observed (Fig. 5.5).

In reference experiments performed with UV-irradiated groundwater, i.e.,

without DOC, the adsorption was comparable to that in presence of organic ligands.

This means that organic ligands were not responsible for the enhanced adsorption in

our system. Interferences with inorganic ligands of the groundwater matrix like

sulphate or phosphate were postulated. Experiments with a synthetic groundwater

made up of the major cations (calcium and magnesium), chloride, and sulphate

(Tab. 5.7) showed only a weak adsorption (Fig. 5.6). Adsorption of sulphate could

not be measured at our conditions. However, synthetic groundwater made up of the

major cations, chloride, and phosphate showed an adsorption behaviour similar to

that of irradiated groundwater (Fig. 5.6).

The adsorption curves shown in Fig. 5.5 were measured with a groundwater

sampled in May 1999, experimental data reported in Fig 5.6 were performed with a

groundwater sampled in November 1999. Contrary to what would be expected, a

higher adsorption could be observed in the water sampled in May when phosphate

concentrations (0.57 mM) were lower than in November (0.94 mM). However,

additional interference reactions are likely in such a complex system. Specific

organic ligands could possibly complex the metal in solution and thus have a

negative effect on the adsorption. Another possibility could be competition reactions

of copper with calcium. Indeed calcium concentrations were about 25% higher in

November (2.2 mM) than in May (1.9 mM).

The slight shift of the isotherms to the right could be explained by blank

problems during filtration as explained in section 5.3.4.
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5.5.3 Adsorption of Copper on Goethite in an Infiltration

Groundwater Matrix at pH 7.35

pH 7.35 was the pH of the natural groundwater in May 1999 (Tab. 5.2).

Adsorption experiments were conducted with two reference samples, an irradiated

natural groundwater and a synthetic groundwater with sulphate (Tab. 5.7), and in the

systems "Cu-DOC-together" and "Cu-first" (Fig. 5.7).
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Fig. 5.7: Copper adsorption isotherms on goethite at pH 7.35 in the presence of

infiltration groundwater natural organic ligands (sampling campaign May 1999).

[Cutot] = 6-10'8-3-10-7 M.

Clearly less copper was adsorbed in the presence of organic ligands than in

the reference systems, which is comparable with the results shown in Fig. 5.4. Most

striking was the fact that the adsorption isotherms in the presence of organic ligands

cut the x-axis at a value of about 5.5-1(T8 M and not at the origin as would be

expected for a "normal" adsorption isotherm. This shift could be explained by the

presence of specific ligands in solution which formed very strong complexes with

copper. Such complexation reactions, which completely hinder adsorption reactions,

can only be due to chelating ligands. Once these ligands were saturated, copper

adsorption on goethite increased linearly with the concentration of copper in

solution. Copper concentration was too low to saturate the surface (concentration of

surface groups: 8.2-KT5mol/g). Competition reactions between less specific

complexants in solution and the surface groups lowered the adsorption of copper as
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well. This could be deduced from the smaller slope ofthe adsorption isotherm in the

presence of organic ligands compared to the slope of the reference system.

A small difference could be observed between the adsorption isotherms in the

systems "Cu-first" and "Cu-DOC-together". This phenomenon probably was due to

kinetic effects and is discussed in section 5.5.1.

The slight shift to the right of the reference isotherms could be explained by

blank problems during filtration (see section 5.3.4).

5.5.4 Adsorption of Copper on Goethite in a Deep

Groundwater Matrix at pH 7.6

The adsorption isotherm of copper in the presence of deep groundwater

organic ligands is shown in Fig. 5.8. pH 7.6 was the natural pH of the deep

groundwater (Tab. 5.2).
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Fig. 5.8: Adsorption isotherm of copper on goethite at pH 7.6 in the presence of

deep groundwater organic ligands. ([CuJtot=9-10'8 - 8-10 M).

The isotherm of the reference system did not cut the origin, possibly because

of blank problems due to filtration (see section 5.3.4). The adsorption isotherm of

the "Cu-DOC-together" system cuts the x-axis at a higher value than the reference

system. The difference between these two intersections probably represented the

concentration of strong complexing ligands. In addition further ligands seemed to be
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present, since the slope of the adsorption isotherm in the presence of organic ligands

was slightly lower than that in the reference system.

5.6 Modelling of Copper Experiments

5.6.1 Adsorption of Copper in the Presence of Infiltration

Groundwater Organic Ligands

Copper Complexation by Infiltration Groundwater Organic

Ligands

A titration curve of the ligands with copper is shown in Fig. 5.9.

Measurements were performed with two analytical methods: an ion selective

electrode and a voltammetric method (section 5.3.5).

In the total copper concentration range of 8-10"8M to 1.2-10"7 M total copper,

free copper concentrations measured with the electrode were higher than those

measured with the voltammetric method. It is advisable to use ion selective

electrodes only in solutions containing total copper concentrations higher than

1 -10~7 M (Avdeef et al., 1983; Gulens, 1987). Otherwise interference problems with

other cations, like Zn2+, are likely to occur and thus the free copper concentration

may be overestimated. As a consequence, the voltammetric method seemed the most

reliable to us in the low copper concentration range (< 1.8 10"7 M), although this

method is known to rather underestimate free metal concentrations (Xue and Sunda,

1997). For total copper concentrations below 1.8-10 M, only Polarographie

measurements were considered for parameter estimation (black triangles in Fig. 5.9).

For total copper concentrations higher than 1.8-10"7M, measurements performed

with the Cu-ISE were used for parameter estimation (black circles in Fig. 5.9).

Analyses performed with DPCSV at concentrations higher than 1.8-KT7 M were not

considered for modelling (open triangles in Fig. 5.9), because the added ligand,

catechol, was almost saturated and according to our experience, measurements

seemed less reliable than those done with the Cu-ISE in this range.

For copper, three ligands had to be defined for parameter estimation of the

complexation constants (model description in section 5.4.1). Ligand concentrations

and complexation constants had to be calculated separately. First, the concentration

of the strong ligand was fixed at a value of 5.5-10~8 M, which is the intercept of the

isotherm with the x-axis (Fig. 5.7). First estimations for the complexation constants
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with reasonable values from literature were made. The concentrations of the ligands

L2 and L3 were optimised over the WSOS/DF factor. The best estimation was

L2= 1.03-10"7 M and L3 = 2.22-1 (T6 M (WSOS/DF = 2.68).

Once these two concentrations were known, optimisation over the

concentration of the strong ligand Li was performed. No convergence could be

achieved with ligand concentrations below 4-10 M, and the model was best at a

concentration of 7-1 (T8 M (WSOS/DF = 2.47).
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Fig. 5.9: Titration curve ofinfiltration groundwater organic ligands with copper at

pH 7.35 (water sampled in May 1999). Measurements were performed with two

different analytical methods: DPCSV measurements by Hanbin Xue (EAWAG,
Kastanienbaum) and Cu-ISE measurements by Renata Hari (EAWAG, Dübendorf).
This curve could be modelled by defining three ligands (Lj, L2, L3), each with 4

pKa-values. The concentration ranges of copper, in which each of the ligands
predominate, are indicated in the figure. Open circles and triangles represent

experimentalpoints that were not consideredforparameter estimation. The dashed

curve represents speciation of copper in the absence oforganic ligands. The point
where this estimated curve intercepts the experimental curve yields the maximum

total copper concentration that the natural ligands are able to complex
(section 5.13.1).

As a next step, the ligand concentrations were fixed and the corresponding

complexation constants were estimated. The best results were obtained with the

following complexation constants and ligand concentrations for the complexation

properties of the DOC in the water sampled in May 1999 (Fig. 5.9):
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2-
Cu + VCuX <=» CuLCuX

Cu2++L4~u2^ CuL2c-u2

logKCu,i = 16.29 [LCu,i] = 7-10-8M

log KCu,2 = 14.62 [LCu>2] = 1.03-10-7 M [5.4]

log KCu,3 = 10.98 [LCu,3] = 2.22-10'6 M

The pH dependence of copper complexation by natural infiltration

groundwater organic ligands was measured with the copper ion selective electrode

(Fig. 5.10). In the acidic pH-range, complexation was weak, but at pH values above

7, complexation became stronger. An increase of one unit in pH (e.g. from pH 7 to

8) gave a decrease of 2 logarithmic units in the free copper concentration.
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Fig. 5.10: pH dependence ofcopper complexation by natural organic ligands from
an infiltration groundwater. The negative logarithm of the ratio between the free

copper concentration and the total copper concentration is plotted versus pH, i.e.,

low values mean highfree copper concentrations. Experiments were performed with

a Cu-ISE by Renata Hari (EAWAG, Dübendorf). Data from May 1999

([CutoJ = 2-10'7 M) and February 1999 ([Cutot] = 2.2-Iff7 M).

The complexation properties do not seem to differ a lot in February 1999 and

May 1999 (Fig. 5.10). Calculations with the 3 ligand model described above are

shown. This model using parameters estimated from the titration curve at pH 7.35

could describe the pH dependence of the copper complexation sufficiently well,

although at pH values below 7, the calculated complexation behaviour was slightly

weaker than the one measured in the experiment. As experiments were performed at

copper concentrations close to the saturation of the second ligand, calculations were
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very sensitive to variations of the total copper concentration (Fig. 5.11). This might

explain the difference observed between the experimental points and our model

calculations.

The fact that the pH dependence of copper complexation could be described

adequately with our 3 ligand model is a proof that the pKa values defined were

appropriate (Fig. 5.10).
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Fig. 5.11: Sensitivity of the total initial copper concentration on modelling the pH
dependence ofcopper complexation by natural organic ligands. Model calculations

with different total copper concentrations are shown.

Copper Adsorption on Goethite in the Presence of Infiltration

Groundwater Organic Ligands

Calculations were performed as described in section 5.4.2 and the results are

shown in Fig. 5.12.

Considering the simplicity of the model, the adsorption behaviour of copper

in such a system was astonishingly well described. However, at pH values about 7,

more copper was complexed by the ligands in solution in the calculations than in the

experiments. One explanation for this enhanced adsorption may be that continuously

varying complexation properties were described by defining only 3 ligands. As a

consequence, the complexation properties of the ligand L2 may be overestimated,

and thus copper adsorption underestimated. Another explanation would be, that the

adsorption of copper was enhanced by reactions not yet considered in the



122 Chapter 5

calculations, e.g., formation of ternary complexes or influences of anions contained

in the groundwater matrix (see section 5.14).
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Fig. 5.12: pH adsorption edge ofcopper in the presence ofinfiltration groundwater

organic ligands. The reference data wasfitted with the DLM model. By combination

of the model for the adsorption of copper on goethite in the absence of organic

ligands and the modelfor copper complexation in solution, copper adsorption in the

presence oforganic ligands was calculated.

Copper Adsorption in an Infiltration Groundwater at

Environmental Concentrations

Fig. 5.13 represents the pH adsorption edge of copper adsorption on goethite

in the presence of natural ligands at environmental copper concentrations. No copper

was added to the system to measure this adsorption edge and total initial copper

concentration was 4.6-10"8M. The experiment was performed in the "Cd-DOC-

together" system, i.e., small increments of cadmium were added to the system.

Cadmium was shown in section 5.11 to have no influence on copper adsorption.

Modelling of copper adsorption was done with the model described in

section 5.4.2 and the constants defined in Tab. 5.9. At low pH values, phosphate

probably influenced copper adsorption (section 5.14.2). These interactions were not

taken into account by the model. At pH values above 6.5, copper adsorption was

suppressed by the organic ligands. This effect was described very well by the model

and shows that this model can be adequately used over a wide range of copper
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concentrations to describe competition reactions between the ligand and the surface

functional groups at pH values above 6.5. However at pH values between 4 and 6,

the model could not represent the data.
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Fig. 5.13: Copper adsorption on goethite in a natural groundwater matrix at

environmental concentrations. Experiments were performed in the "Cd-DOC-

together" system (Sampling Campaign May 1999). ([Cu]tot=4.6-10~8 M
[goethite] = 0.1 g/L).

5.6.2 Adsorption of Copper in the Presence of Deep
Groundwater Organic Ligands

Copper Complexation by beep Groundwater Organic Ligands

As for the infiltration water, complexation of copper in solution was

determined by titration curves analysed with DPCSV and Cu-ISE (Fig. 5.14). Total

copper concentration varied between 1-10"8 and 4.8-10"5 M.

Modelling was performed exactly as described in section 5.6.1. Parameter

estimation was done by using data at different pH values (Fig. 5.14). With the

definition of three ligands, the following fitting results were obtained

(WSOS/DF=53.2):

logKi=15.74 [L!]=1-10"8M
logK2=14.47 [L2]=5-10"8M [5.5]

log K3=8.73 [L3]=7-10"5M
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log [Cu]tot

Fig. 5.14: Titration curve of copper in a deep groundwater sample at differentpH
values. Measurements were performed with two different analytical methods:

DPCSV measurements by Hanbin Xue (EAWAG, Kastanienbaum) and Cu-ISE

measurements by Renata Hari (EAWAG, Dübendorf). These curves were fitted by
defining three ligands (Li, L2, L3), each with 4 acidity constants. The fine dashed

curve represents speciation ofcopper in the absence oforganic ligands. The point
where this estimated curve intercepts the experimental curve yields the maximum

total copper concentration that the natural ligands are able to complex.

pH dependence of Copper Complexation by beep Groundwater

Ligands

The pH dependence of copper complexation by deep groundwater organic

ligands is similar to that in the infiltration groundwater, weak complexation was

observed for low pH values, and at pH values above 7, the complexation capacity
increased strongly (Fig. 5.15).

The 3 ligand model, presented in this study can describe the data sufficiently

well, although at pH values above 8, complexation capacity was underestimated.

Complexation capacities were lower in the deep groundwater (Fig. 5.15) than

in the infiltration groundwater (Fig 5.10). Nowack (1996) has postulated that the

weak ligands were degraded first and that in older water only strong complexes
remained. This seems to be in opposition to the results obtained in this study. Xue

and Sigg (1999) have argued that specific ligands were most likely of recent

biological origin. These assumptions are consistent with our results: in the deep
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groundwater mainly refractory less specific ligands, or else ligands in smaller

concentrations were present.
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Fig. 5.15: pH dependence of copper complexation by deep groundwater organic

ligands. Measurements were performed with a Cu-ISE by Renata Hari (EAWAG,
Dübendorf).

Copper Adsorption on Goethite in the Presence of beep

Groundwater Organic Ligands

The results of the combination model as described in section 5.4.2 are shown

in Fig. 5.16. The model could describe the adsorption in the presence of deep

groundwater organic ligands sufficiently well. The fact that suppression of

adsorption at pH values about 7 was overestimated, could be explained by

competition reactions between the surface functional groups and the ligands in

solution to complex copper. Probably, the ligand L2 as defined in our model was too

strong, or else interactions of copper adsorption with other cations or anions

contained in the deep groundwater occurred. Similarly as for the infiltration

groundwater, a specific interaction with phosphate could be possible, i.e. formation

of ternary complexes.
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Fig. 5.16: pH adsorption edge of copper on goethite in the presence of deep

groundwater organic ligands. As comparison, a reference in 0.01 MKNO3 is

shown. These reference data werefitted with the DLM model. By combination

of the modelfor the adsorption ofcopper on goethite in the absence oforganic
ligands and the modelfor copper complexation in solution, copper adsorption
in the presence oforganic ligands was calculated.

5.7 Influence of a Groundwater Matrix on

the Adsorption of Cadmium on Goethite

5.7.1 pH Adsorption Edge of Cadmium on Goethite in an

Infiltration Groundwater Matrix

The pH dependence of the adsorption of cadmium on goethite in the presence

of natural organic ligands was measured in the three systems defined in Fig. 5.2.

(Fig. 5.17). As reference without DOC, cadmium adsorption was measured in a

synthetic groundwater made up with calcium, magnesium, chloride, and sulphate
concentrations (Table 5.7).

At pH values above 8, slightly less cadmium was adsorbed in the presence of

organic ligands, which could be explained by competition reactions between

complexation in solution and adsorption on the surface.

At pH values in the acidic pH range, no significant adsorption could be

observed. Adsorption isotherms at pH 3.5 were performed. For initial total cadmium
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concentrations varied between 7.5-10"10 and 1.4-10"9M, no adsorption could be

noticed (data not shown).
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Fig. 5.17: pH adsorption edge of cadmium on goethite in the presence of natural

infiltration groundwater. (Sampling campaign May 1999). ([Cdtot] = 1.3-KT9 M).

5.7.2 Adsorption of Cadmium on Goethite in an Infiltration

Groundwater Matrix at pH 7.6

The following experiments were carried out with groundwater sampled in

February 1999 at pH 7.6, the pH of the infiltration groundwater (Tab. 5.2).

Adsorption experiments were done for the system "Cd-DOC-together". A reference

in 0.01 M KNO3 was investigated for comparison (Fig. 5.18).

Clearly less cadmium was adsorbed in the presence of organic ligands

compared to the reference system and the adsorption isotherm seemed to cut the x-

axis at a concentration of 5-10"10 M (estimation directly from Fig. 5.18), which was

a hint to the presence of strong cadmium specific ligands in solution.

5.7.3 Adsorption of Cadmium in a Deep Groundwater Matrix

at pH 7.6

An adsorption isotherm of cadmium at pH 7.6 in the presence of deep

groundwater organic ligands is shown in Fig. 5.19. As reference an adsorption

isotherm in 0.01 M KN03 was measured. As for the infiltration groundwater, a
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suppression of cadmium adsorption could be observed in the presence of these

ligands. This suppression seemed to be even more pronounced in the presence of the

deep groundwater organic ligands than in the presence of infiltration groundwater

organic ligands.
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Fig. 5.18: Cadmium adsorption isotherms on goethite atpH 7.6 in the presence of

infiltration groundwater natural organic ligands. (Sampling Campaign February

1999). ([CdtoJ= 8.8-10'10 - 7-Iff9' M).
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Fig. 5.19: Cadmium adsorption isotherm on goethite at pH 7.6 in the presence of

deep groundwater natural organic ligands. ([Cd]tot = 8-10'10 M and 7-10'9 M).
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5.8 Modelling of Cadmium Experiments

5.8.1 Adsorption of Cadmium in the Presence of Infiltration

Groundwater Organic Ligands

Cadmium Complexation by Infiltration Groundwater Organic

Ligands

Groundwater samples were titrated with cadmium in the concentration range

2-10-10to9-l(r9M(Fig. 5.20).
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Fig. 5.20: Titration curve ofinfiltration groundwater with cadmium (Water sampled
in May 1999). Measurements were performed atpH 7.33±0.05 with a voltammetric

method (DPASV) by Hanbin Xue (EAWAG, Kastanienbaum). This curve could be

modelled by defining two ligands (Lj and L2), both with 4 pKa-values. The

concentrations ofcadmium, in which each ofthe ligands predominate, are depicted
in thefigure. The dashed curve represents speciation ofcadmium in the absence of
organic ligands. The point, where this estimated curve intercepts the experimental
one yields the maximum total cadmium concentration that natural ligands are able

to complex (section 5.13.1).

Modelling was performed with the discrete model described in section 5.4.2.

The presence of 2 cadmium ligands was assumed. All 4 parameters, i.e.,

complexation constants and concentration of the ligands Li and L2, could be

estimated in one run (WSOS/DF = 0.32). Following complexation constants and
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ligand concentrations were defined for the complexation properties of DOC with

cadmium in the water sampled in May 1999:

CdL
Cd,\

Cd2' + L4-d, «

Ca + Lcd2 <=> CdLcd2

logKcd,i=13.6

logKcd;2=9.7

-10

[Lcd,i]tot=5.36-10-luM [5.6]

-7

[Lcd,2]tot=2.54-10-'M
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Fig. 5.21: pH cadmium adsorption edge on goethite in the presence of organic

ligands. For comparison, a synthetic groundwater with sulphate was measured.

These reference data were modelled with the DLM-model. By combination of the

modelfor the adsorption ofcadmium on goethite in the absence oforganic ligands
and the model for cadmium complexation in solution, cadmium adsorption in the

presence oforganic ligands could be calculated.

Cadmium Adsorption on Goethite in the Presence of Infiltration

Groundwater Organic Ligands

With the combination model described in section 5.4.2, the adsorption of

cadmium on goethite in the presence of groundwater organic ligands could

adequately well be described (Fig. 5.21).
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5.9 Influence of a Groundwater Matrix on

the Adsorption of Nickel on Goethite

5.9.1 pH Adsorption Edge of Nickel on Goethite in an

Infiltration Groundwater Matrix

The pH dependence of the adsorption of nickel on goethite in the presence of

groundwater ligands was measured in the systems "Ni-DOC-together" and

"DOC-first" (Fig. 5.22). As a reference without DOC, the nickel adsorption was

studied in 0.01 M KN03.
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Fig. 5.22: pH nickel adsorption edge on goethite in the presence ofgroundwater
organic ligands. Sampling Campaign February 1999. ([Ni]tot=2.8-10~7 M)

Less nickel was adsorbed at pH values above 7.5 in the systems with organic

ligands than in the reference system without DOC. This was explained by the

presence of specific ligands in solution, which complex nickel strong enough to

mobilise it.

In the acidic pH range, no adsorption of nickel on goethite could be observed.

The same result was obtained by recording isotherms at pH 3.5 with equilibration
times of up to 5 days (data not shown).
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5.9.2 Adsorption of Nickel on Goethite in an Infiltration

Groundwater Matrix at pH 7.35

pH 7.35 was the pH of the natural groundwater sampled in May 1999

(Tab. 5.2). Adsorption experiments were performed for a reference system (0.01 M

KN03) and in the systems "Ni-DOC-together" and "Ni-first" (Fig. 5.23).
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Fig. 5.23: Nickel adsorption isotherms on goethite at pH 7.35 in the presence of
infiltration groundwater organic ligands. Sampling campaign May 1999. ([Ni]tot=
5-l(T8-2-l(r7M)

The same remarks can be made to the shape of the isotherms as for copper

(section 5.5.4). Nickel experiments were performed at concentrations which did not

allow saturation of the surface sites.

Clearly less nickel was adsorbed in the presence of organic ligands than in

the reference system. Nickel isotherms cut the x-axis at a value about 2-3 -10~8 M.

This indicated that DOC contained strong specific ligands for nickel, which could

completely hinder the adsorption of nickel. Moreover, weaker nickel ligands could

be assumed, as the slope of the isotherms in presence of the ligands was lower than

that of the reference curve.

A clear difference could be seen between the isotherms in the system

"Ni-first" and the system "Ni-DOC-together". This phenomenon was likely due to

kinetic effects as described for copper in section 5.5.1. The difference between the

adsorption isotherms in the systems "Ni-first" and "Ni-DOC-together" could be
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due to slow nickel desorption reactions (Fig. 5.23). The water exchange rate for

nickel is 3-104s"' (Morel and Hering, 1993), which shows that complexation

reactions with nickel are slow. Another explanation would be that nickel slowly

diffuses into the mineral and becomes thus unavailable for the aqueous complexants

in solution (Fischer et al., 1997; Fischer et al., 1998; Gerth and Brummer, 1981).

5.10 Modelling of Nickel Experiments

5.10.1 Adsorption of Nickel in the Presence of Infiltration

Groundwater Organic Ligands

Nickel Complexation by Infiltration Groundwater Ligands

The titration curve of the organic ligands with nickel was modelled as

described in section 5.4.1 (Fig. 5.24) (WSOS/DF=0.2). The measurement range was

very narrow, therefore only one nickel ligand was defined. The complexation

constant and ligand concentration estimated were:

M2+ + Ü
Ni

<=> NiL
Ni logKNi=17.4 [LNi]=5.02-l(TM [5.7]

-13.4

-r
<3«

-13.8

bH
©

-14.2

-14.6

-7.3

log [Niltot

Fig. 5.24: Titration curve of infiltration groundwater organic ligands with nickel

(Water sampled in May 1999). Measurements were performed at pH 7.35 with a

voltammetric method (DPCSV) by Andreas Prasch (EAWAG, Kastanienbaum). This

curve was modelled by using one ligand only with 4 pKa values.
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Nickel Adsorption on Goethite in the Presence of Infiltration

Groundwater Organic Ligands

Modelling was performed as described in section 5.4 (Fig. 5.25). This model

can well describe the nickel adsorption edge under the influence of organic ligands.
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Fig. 5.25: pH nickel adsorption edge on goethite in the presence ofgroundwater

ligands. ([Ni]tot = 2.8-Iff7'M, [goethite] = 0.5 g/L)

5.11 Competitive Adsorption of Cu and Ni on

Goethite in the Presence of Natural

Organic Ligands
In this section, competition between copper and nickel for their adsorption on

goethite in the presence of natural organic ligands is discussed. Experiments were

carried out in the systems "metal-DOC-together" and "metal-first" at pH 7.35. Two

types of experiments were thus performed (Tab. 5.10): variable copper concentration

at constant nickel concentration in order to study the effect of nickel on the

adsorption of copper and vice versa.
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Tab. 5.10: Experimental conditions for the two types ofcompetition
reactions

Effect of nickel on Effect of copper on

copper adsorption nickel adsorption

pH 7.35 7.35

KN03 [M] 0.01 0.01

Cu[M] 7.7-10"8-3.3-10-7 1.2-10"7

Ni[M] 6.7-10"8 3-10-8- 1.5-107

DOC [mg/L] 1.5 1.5

goethite [g/L] 0.1 0.1

System "Cu-Ni-bOC-together"

Copper adsorption on goethite in competition with nickel in the presence of

natural organic ligands is represented in Fig. 5.26. A slightly enhanced adsorption of

copper could be observed. The adsorption isotherm and the intercept with the x-axis

were shifted to the left, which was a hint that less copper was complexed in solution

by strong ligands. This could probably be explained by the fact that copper and

nickel were competing for the same specific ligand in solution.

No interactions between nickel and copper on the surface occurred, as nickel

adsorption did not clearly decrease by increasing copper concentration (Fig. 5.27).

Nickel adsorption as well was enhanced in the presence of copper: the fraction of

nickel adsorbed in the presence of increasing copper concentrations was about 40%,

whereas in the absence of copper it amounted to less than 20%. This means that less

nickel was complexed in solution in the presence of copper, which corroborates the

statement that specific strong ligands for nickel were also specific for copper.

Corresponding results have been obtained by recording the nickel isotherm at

pH 7.35 in the presence of a constant copper concentration (Tab. 5.10). The nickel

adsorption isotherm and the intercept with the x-axis were shifted clearly to the left

(Fig. 5.28), i.e., less nickel was complexed in solution by strong ligands due to

competition reactions with copper. The adsorbed copper concentration on goethite

did not clearly decrease with an enhanced concentration of adsorbed nickel, which

was expected as the surface sites were in excess of the metal concentrations

(Fig. 5.29). Similarly as described before, copper adsorption was increased in the

presence of nickel: the fraction of adsorbed copper was about 55% whereas in the
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absence of nickel it was about 44%. This observation showed that all results for the

competition experiments were consistent.

The effect of competition of copper on the adsorption of nickel on goethite

was more pronounced than vice versa. This could probably be explained by the fact

that nickel concentrations were lower than that of copper and that nickel

complexation was relatively slow (Jansen, 1998; Prasch, 1999).
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Fig. 5.26: Effect ofnickel on the adsorption ofcopper on goethite in the presence of
natural organic ligands atpH = 7.35. For comparison the adsorption ofcopper on

goethite without competition reactions with nickel is shown.

([Cuju,, = 7.7-10'9 - 3.3-1CT7M, [Ni]tot = 6.7-108 M).

Fig. 5.28 (bottom): Effect of copper on the adsorption of nickel on goethite in the

presence of natural organic ligands. For comparison the adsorption isotherm of
nickel on goethite without competition reactions with copper is shown.

([Ni]tot = 3-10~s-1.5-10~7M, [Cu]tot = 1.2-10~7 M).
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Fig. 5.29: Adsorption of copper on goethite in the presence of nickel.

([Ni]tot = 3-KT8-1.5-l(T7M, [Cu]to, = 1.2-KT7M, pH = 7.35).

System "Metal-first"

In this system, no effect on the adsorption of copper was observed in the

presence of nickel (Fig. 5.30).

These results are probably explained by slow kinetics of nickel complexation.

Nickel and copper were adsorbed prior to the addition of natural organic ligands.

After their addition, metal desorption reactions occurred (Eq. 5.8). Nickel is known

to slowly exchange complexed ligands (Margerum et al., 1978; Wilkins, 1991), thus

mainly copper desorbed from the surface and essentially no competition reactions in

the solution could occur.

= Fe-0~Cu +L4' +H+ <=> CuL2~+ = Fe-OH
[5-8]

= Fe-0~Ni+ +L\-+H+ <^ NiL]+ = Fe-OH

For the nickel adsorption in this case, we would expect an adsorption of

nickel in competition with copper in the presence of natural organic ligands similar

to the adsorption in a system without DOC.

A comparison between isotherms recorded in May 1999 and November 1999,

as it is done in Fig. 5.30 is allowed. It has been shown that the two water samples

behave in the same way, and that no difference between the isotherms performed in

May 1999 and November 1999 could be seen (Fig. 5.26).
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Fig. 5.30: Effect ofnickel on the adsorption ofcopper on goethite in the presence of
natural organic ligands in the system "metal-first". For comparison the adsorption

ofcopper on goethite without competition reactions with nickel and the adsorption

ofcopper on goethite in the presence ofnickel in the system "metal-DOC-together"

are represented. (Adsorption time ofmetals on goethite: 2 h, and equilibration time

with DOC: 4 h).

Influence of nickel and copper on the adsorption of cadmium

In Fig. 5.31, the pH adsorption edge of cadmium in the presence of copper

and nickel is shown. Cadmium adsorption on goethite was not influenced by copper

or nickel whatever the pH. This result could be expected, as surface functional

groups were in large excess of the total metal concentrations. In addition, cadmium

may be bound to other ligands or adsorption sites than nickel or copper.
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Fig. 5.31: Influence ofcopper and nickel on thepH adsorption edge ofcadmium on

goethite. ([Cd] = I-IO'9' M, [Cu] = 1-lff7 M, and [Ni] = 1-10'7 M,

[goethite] = 0.1 g/L. Equilibration times as listed in Tab. 5.6)

5.12 Adsorption of Several Metals on

Goethite in the Groundwater Matrix

Adsorption of Chromium on Goethite in an Infiltration

Groundwater Matrix

In natural systems, chromium is stable in two oxidation states, Cr(III) and

Cr(VI). Cr(III) is an essential trace element for human and animals and is generally

associated with solid phases, whereas Cr(VI) is a priority pollutant and relatively

mobile in soils and aquifers.
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The adsorption edge of chromium on goethite was measured in the presence

of organic ligands in the system "Cu-DOC-together", i.e., small increments of

copper were added (section 5.5.1). Experiments were carried out with initial total

chromium concentrations of 7.4-10 M (Fig. 5.32). Standard deviations calculated

from the variations between different samples are represented with bars in the

figure.

A in the presence of natural organic ligands
O reference: irradiated groundwater

*

1 1 1 Êk\ AO* Êk \Êk

23456789

pH

Fig. 5.32: Chromium pH adsorption edge on goethite in a natural groundwater
matrix. Experiments were performed in the "Cu-DOC-together" system (Sampling
campaign May 1999). Total chromium concentration was 7.4-KT8 M. Adsorption of
chromium in the reference (irradiated groundwater) was measured at pH 3.5 and

pH 7.35. The standard deviations are represented in thefigure.

The shape of the adsorption isotherm corresponded to the adsorption of an

anion. This means that chromium was adsorbed most probably as HxCrVI04X"2. As

reference, chromium adsorption was measured at pH 3.5 (average over 7 data

points) and pH 7.35 (average over 8 data points) in UV-irradiated groundwater, i.e.,

in the absence of organic ligands. Mesuere and Fish (1992a and b) have observed

that Chromate adsorption on goethite was significantly inhibited at low pH values in

the presence of oxalate, by increasing the ratio of [Ox]tot/[Cr]tot from 1 to about 20.

The authors have explained this effect by competition reactions between oxalate and

Chromate for surface sites. A similar type of competition reaction between the

adsorption of Chromate and the natural organic ligands could possibly be observed in

our system, since slightly more Chromate was adsorbed in the reference system as in

the presence of organic ligands.
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In addition, co-adsorption of other inorganic anions like sulphate or

phosphate has been reported to mobilise Cr(VI) (Music et al., 1986; Zachara et al.,

1987 and 1989), which also possibly explains the relatively low adsorption of

Cr(VI) in the irradiated groundwater at low pH.

Adsorption of Lead on Goethite in an Infiltration Groundwater

Matrix

Two lead adsorption edges, determined in the systems "Cu-DOC-together"
and "Cd-DOC-together" were performed at a total lead concentration of 1.9-10"9 M

(Fig. 5.33). Standard deviations taking into account the variations between the

samples are represented with bars in the figure.

The adsorption edge in the presence of organic ligands was obtained from 4

independent experiments, the adsorption of lead in the reference system at pH 7.35

is an average of 8 independent experimental data points, measured in the UV-

irradiated "Cu-DOC-together" system. In this set of experiments, although copper

concentration was increased from sample to sample, the fraction of adsorbed lead

remained constant, i.e., copper did not influence the adsorption of lead. Similarly,
Christi and Kretzschmar (1999) have not observed competition between copper and

lead adsorption on hematite and Benjamin and Leckie (1981) could not see any

significant competition effects in experiments with Cd, Cu, Zn, and Pb with

amorphous iron oxyhydroxide.

At pH 7.35, adsorption of lead on goethite seemed to be decreased in the

presence of natural organic ligands, compared to the reference system. Enhanced

mobility of lead in the presence of organic ligands was reported by Coughlin and

Stone (1995), Jordan et al. (1997) and Mason et al. (1999). Competition reactions

with magnesium have been reported for lead (Balistrieri and Murray, 1982), which

might explain the fact that also in the reference system only 80% of the total lead

concentration was adsorbed. Calcium may thus as well decrease lead adsorption in

our system.
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Fig. 5.33: Adsorption edge of lead on goethite in a natural groundwater matrix.

Experiments were performed in the "Cu-DOC-together" system (Sampling

campaign May 1999). The adsorption of lead in the reference system (irradiated
groundwater) was measured atpH 7.35. Total lead concentration was 1.9-10'9 M.

Adsorption of Cobalt on Goethite in an Infiltration

Groundwater Matrix

At typical environmental pH and EH-values, cobalt can exist in two oxidation

states, Co(II) and Co(III). Co(II) is the predominant oxidation state in natural waters

(Qian et al., 1998) and forms strong, but labile complexes. Co(III) can only form

strong organic complexes and is associated with particulate matter, especially Mn02

(Moffett and Ho, 1996; Murray and Dillard, 1979).

The cobalt adsorption edge on goethite was measured in the systems "Cu-

DOC-together" and
"

Ni-DOC-together", i.e., small increments of copper, and

nickel had been added to the system, respectively. Experiments were performed at

total concentration of 910"9 M cobalt.

No difference between the adsorption edge measured with natural organic

ligands and with the UV-irradiated groundwater could be observed (Fig. 5.34). For

pH values above 7, this observation might be explained by the fact that only small

concentrations of specific Co(II) ligands were present (Qian et al, 1998) and that

these ligands were not capable of mobilising Co(II).

In the acidic pH range, quite a high fraction of cobalt was adsorbed, but

again, no difference between the reference and the system with natural organic acids
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could be observed. Phosphate can form relatively stable complexes with Co(II)

(Bürgisser and Stone, 1997). The cobalt adsorption in the acidic pH range could

possibly be explained by the formation of ternary goethite-phosphate-cobalt(II)

complexes.
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Fig. 5.34: Cobalt adsorption edge on goethite in a natural groundwater matrix.

Experiments were performed in the "Cu-DOC-together" and the "Ni-DOC-

together" systems (Sampling campaign May 1999). Total initial cobalt

concentration was 9-10'9 M.

5.13 Discussion of Metal Complexation with

Natural Groundwater Organic Ligands

5.13.1 Total Ligand Concentration in Natural Groundwater

Free metal concentration in the respective groundwater matrix was calculated

assuming that no organic ligands were present. The point, where this curve

intercepts the experimental titration curve yields the maximum total copper

concentration that the natural ligands are able to complex. Thus the total ligand
concentration for this metal can be deduced, assuming the formation of 1:1 metal-

ligand complexes.

The total copper ligand concentration could be estimated to be 1.3-10-5 M

(Fig. 5.9). The third ligand L3 defined in our model, however, was already saturated
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at a concentration about 2.2-10"6 M, and at least one more ligand would have been

necessary to define the whole complexation behaviour of the DOC. However, we

decided not to introduce more ligands, because they would not be strong

complexants, and thus would not have a strong influence on the adsorption of copper

onto goethite in our system.

The concentration of complexation groups of all the copper ligands defined

with this 3 ligand model amounted to 1.04-10"6 mol/mg C. This is in the range

normally assumed for the concentration of complexation groups in fulvic acids.

Cabaniss and Shuman (1988) have found a value of 16-10"6 mol/mg C and Tipping

and Hurley (1992) have defined it with their Model V to be 7-10"6 mol/mg C. It has

to be considered that in the model presented in this study, only part of the ligands

was taken into account as the weaker ligands were not fully saturated.

The total ligand concentration in the deep groundwater could not be

calculated as the DOC concentration in the deep groundwater was below our

detection limit (0.5 mg/L).

The total cadmium ligand concentration was defined to be 4.4-10" M

(Fig. 5.20). The concentration of complexation groups of all the cadmium ligands

defined with this model amounted to 1.1-10"7 mol/mg C, which is in the range

normally assumed for the concentration of complexation groups in fulvic acids.

The titration curve of nickel was measured in a very narrow concentration

range (Fig. 5.24). At these small concentrations, only the stronger ligands were

saturated, and therefore the total concentration of the complexation groups could not

be estimated.

5.13.2 WHAM model calculations

One has to be very careful to compare complexation constants defined with

different models. The constants strongly depend on the parameters defined in the

model, i.e., number and values of acidity constants, and number of ligands as well as

the concentrations of the ligands. One possibility to compare the complexation

capacity of the ligands defined in this study with that of other ligands is by doing

calculations with the WHAM model. This model defines metal complexation by

humic and fulvic acids, which uses a discrete ligand approach. It has been developed

by Tipping (1994).

The concentrations of the major cations and anions (calcium, magnesium,

sulphate, phosphate, nitrate, and chloride) were considered for calculations. We
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assumed that 1 g DOC represented 2 g FA or 2 g HA (Thurman, 1985). Calculations

were performed assuming 3 different cases:

• 100 % of the DOC are 100 % FA.

• 100 % of the DOC are 80 % FA and 20 % HA. This is a typical ratio

between HA and FA, as it occurs in average waters (Thurman, 1985).

• 100 % of the DOC are 100 % HA.

Complexation of Copper by Natural Organic Ligands

If we assume that 100 % of the DOC were composed of 100% FA or of 80%

FA and 20% HA, the calculated curves could describe the experimental one

adequately for total copper concentrations above 2-10" M (Fig. 5.35). For lower

concentrations, complexation was underestimated. Similar results have been

observed by Xue and Sigg (1999). In a work by Christensen et al. (1999) the

complexation of Cu by DOC in a polluted groundwater has been overestimated by

WHAM calculations, but this was probably due to the fact that high DOC

concentrations (up to 200mg/L) were investigated. The assumption that 100 % of the

DOC consist of 100% HA overestimated copper complexation for total copper

concentrations above 2-10" M (Fig. 5.35). At lower copper concentrations again,

complexation was underestimated, which is a hint for the presence of very strong

complexing ligands. These strong ligands were responsible for the total suppression

of copper adsorption at low concentrations (Fig. 5.7).

Higher DOC and higher metal concentrations than those in our study were

used to develop this model. At high total metal concentrations, the model can

describe the data excellently.

Complexation of Cadmium by Natural Organic Ligands

By assuming that 100 % of the DOC were either 100 % FA or else 80 % FA

and 20 % HA, the complexation of cadmium, as calculated by the WHAM model,

was slightly underestimated at total cadmium concentrations above 3-10"9M, but

clearly underestimated at lower concentrations (Fig. 5.36). This is a hint that the

strong natural organic ligands in the groundwater were stronger than fulvic acids.
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Fig. 5.35: Calculation of the titration curve of copper in the infiltration

groundwater with the WHAM model. For calculations, it was assumed that 1 mg
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Fig. 5.36: Calculation of the titration curvse of cadmium in the infiltration
groundwater with the WHAM model. For the calculations, it was assumed that 1 mg

DOC represented 2 mg FA or HA.
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Complexation of Nickel by Natural Organic Ligands

In the analysed concentration range, the WHAM model completely

underestimates the complexation capacity of the natural ligands (Fig. 5.37). At these

low total nickel concentrations, ligands were stronger than calculated with the

model. These strong ligands were responsible for the suppression of nickel

adsorption on goethite in the groundwater matrix (Fig. 5.23).
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Fig. 5.37: Calculation of the titration curvse of nickel in the infiltration

groundwater with the WHAM model. For the calculations, it was assumed that 1 mg

DOC represented 2 mg FA or HA.

pH Dependence of Copper Complexation by Infiltration

Groundwater Organic Ligands

Calculation of the pH dependence of copper complexation by natural organic

ligands with the WHAM model underestimated the complexation properties of the

ligands at pH values above 7.5. This is again a hint to the presence of strong

complexing ligands in our system, and is consistent with the data presented above.
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Fig. 5.38: pH dependence of copper complexation by natural infiltration

groundwater organic ligands. On the y-axis is depicted the negative logarithm of
the ratio between the free copper activity and the total copper concentration, i.e.,

low values mean high free copper concentrations. Measurements were performed
with a Cu-ISE by Renata Hari (EAWAG, Dübendorf). Data from May 1999

([Cu,ot]=2-l(T7 M) and February 1999 ([Cutot]=2.2-1 CT7 M) are shown.

5.14 Discussion of Metal Adsorption

Modelling

5.14.1 Formation of Ternary Complexes
The potential formation of ternary complexes is discussed in the system

copper-infiltration groundwater organic ligands. Ligands are often adsorbed on the

surface at pH values around 7 (Evanko and Dzombak, 1998; Gu et al., 1994, 1995;

Nilsson, 1995; Stone, 1988; Stone et al., 1993; Tipping, 1981), and at pH values

above 7, these ligands complex copper very strongly (Fig. 5.37). Thus, it can be

assumed that these ligands complex copper as well if they are adsorbed on the

surface, in other words form ternary complexes of type B. As we wanted to limit the

degrees of freedom, we asumed only formation of ternary complexes with L2 for our

model calculations.

For parameter estimation of the equilibrium constant of the ternary complex,

the constants listed in Tab. 5.9 were used, with additionally the following reaction:

log Kcu-ter,ads= Fe-OH + L2 +Cu2+ +H+ & =Fe-L2 Cu + H20



150 Chapter 5

The constant log Kcu-ter,ads was determined to be 7.99 (WSOS/DF=9.46), and

this calculated pH adsorption edge perfectly described the experimental data (data

not shown).

The formation of such complexes is of course theoretically possible and they

have been postulated by Ali and Dzombak (1996b), Davis and Leckie (1978) and

Schindler (1990). Still, one has to be always aware that these model calculations are

not a proof for the existence of such ternary complexes. The definition of additional

species increases the number of degrees of freedom of the system, which results in a

better fit. Boily (1999) has argued that in most systems the formation of ternary

complexes of type B is not necessary to define a system. For further investigations,

surface spectroscopic measurements would be needed, e.g., EXAFS or ATR-FTIR.

However, the low concentrations used in this study were under the detection limit of

such methods.

5.14.2 Influence ofPhosphate on Metal Adsorption on Goethite

Metal adsorption in the presence of phosphate was calculated with a DLM

model as described in section 5.4.3. Model calculations yielded phosphate

adsorption of about 50% at pH 3.5, which was consistent with experimental

measurements performed in our system.

According to the calculations, adsorption of both copper and cadmium was

enhanced at pH values above 6 in the presence of phosphate (Fig. 5.39 - 5.40). The

formation of the phosphate surface species =Fe-P04H" and =Fe-P042" could

decrease the surface charge enough to enhance electrostatically metal adsorption.

At acidic values, phosphate did not have any influence on copper and

cadmium adsorption according to the calculations. Thus the elevated adsorption of

copper at pH 3.5 in the presence of phosphate observed in the isotherms (Fig. 5.6)

was most probably due to some specific interactions not yet considered in the model.

This could also be deduced directly from the experiments, as phosphate did not

influence nickel adsorption (section 5.9.1), although copper and nickel are supposed
to react in a similar way. Possibly copper-phosphate complexes are very stable,

because of the Jahn-Teller distortion of the copper ion (Schosseler, 1998; Schosseler

et al., 1997), and can thus adsorb on goethite to form ternary complexes of type B.
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Fig. 5.39: pH adsorption edge of copper in the presence of organic ligands and

phosphate. In this model the adsorption of copper and phosphate on goethite and

the complexation of copper by natural organic ligands and phosphate were taken

into account. Calculations were performed with the DLMmodel.
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phosphate. In this model the adsorption ofcadmium andphosphate on goethite and
the complexation ofcadmium by natural organic ligands andphosphate were taken

into account. Calculations were performed with the DLM model.

In opposition to the results obtained in the calculations for copper and

cadmium, phosphate seemed to have no influence on the adsorption of nickel onto
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goethite (Fig. 5.41). However, these results have to be analysed carefully. Due to

adsorption of phosphate, the surface charge is lowered, and as a consequence the

surface got a stronger ligand to compete with the solution ligands to complex the

metal. This is the reason why adsorption of the metal was enhanced in the presence

of phosphate in the copper and cadmium system. For nickel complexation in

solution, however, only the strong ligand was defined, and thus no competition

reactions between the weaker ligand and the surface functional groups to complex

nickel could be considered, and thus nickel adsorption did not increase in our model

calculations.
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Fig. 5.41: pH nickel adsorption edge in the presence of organic ligands and

phosphate. In this model the adsorption ofnickel andphosphate on goethite and the

complexation ofnickel by the natural organic ligands andphosphate was taken into

account (section 5.4.4).

5.14.3 Influence of Calcium and Magnesium on Metal

Adsorption on Goethite

Metal adsorption in the presence of organic ligands and calcium was

calculated as described in section 5.4.4. Calcium did not interfere with the

adsorption of copper according to our calculations (data not shown). This result

could be expected, as calcium adsorption was weak, and according to our

calculations only about 1 % of the total calcium was adsorbed. The surface site
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concentration was in large excess with respect of the adsorbed calcium and copper

concentrations. Thus no competition reactions were probable (section 1.4).

Experimentally, the influence of calcium on the copper adsorption could also

be checked by comparing the adsorption isotherms obtained in the irradiated and

synthetic groundwater with calcium (Fig. 5.7), with the adsorption isotherm in

0.01 M KN03 without calcium (Fig. 5.4) (Table 5.11). The amount of copper

adsorbed in both systems was nearly equal, so probably, calcium did not have any

effect on the adsorption of copper on goethite under these conditions.

Table 5.11: Influence ofcalcium on the adsorption ofcopper

Cu-tot [M] pH Adsorbed copper [%]

Irradiated GW 3.45-10"7 728 94
11 a

Synthetic GW 2.36-10-7 7.3 92

Without Ca O.OIMKNO3 3.4-10"7 721 93

The calculated cadmium adsorption on goethite, however, clearly decreased

in the presence of calcium ([Ca] = 1.89 mM) (Fig. 5.42). Balistrieri and Murray

(1982) have observed a strong influence of magnesium (0.054 M) on the adsorption

of cadmium ([Cd]tot= 3-10"5M) on goethite. In the presence of magnesium,

cadmium adsorption was decreased, which was explained by competition reactions

for surface sites. The ratios cadmium/goethite and magnesium/cadmium were

similar as in our study, so a negative interaction of magnesium and calcium with the

adsorption of cadmium could be expected in our system. Interactions of cadmium

adsorption with calcium have also been observed on amorphous iron oxide by

Cowan et al. (1991).

Nickel adsorption as well was decreased in the presence of calcium at pH

values above 6 (Fig. 5.43). Since surface sites were in excess of the total nickel and

calcium concentrations, competition for complexation with the surface sites were

unlikely to be responsible for this effect. Possibly calcium could increase the

positive charge of the surface and thus electrostatically inhibit nickel adsorption .

The influence of magnesium on metal adsorption was not calculated.

However, as magnesium adsorbs a little stronger than calcium (Sigg, 1979), but is

present in a lower concentration as calcium, its effect can be predicted to be

comparable to the one of calcmm.
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Fig. 5.43: pH adsorption edge of nickel in the presence of organic ligands and

calcium. In this model, the adsorption of nickel and calcium on goethite and the

complexation ofnickel by natural organic ligands were considered.

5.14.4 Effect of log Ki and [LJ on Metal Adsorption

Complexation in solution could also be described by defining other values for

either the complexation constant or the ligand concentration, as long as the product
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log K-[L] remains constant. Metal adsorption, however, varies in function of both

the complexation constant and the ligand concentration (Fig. 5.44). Calculations of

copper adsorption were performed exactly as described in section 5.4 with the only

difference that the values of Kj and [Lj] were changed. The product log Ki*[Li] was

kept constant for calculations.

Elevated complexation constants hindered copper adsorption till the

corresponding ligand, present only in very small concentrations, was saturated.

These isotherms were very steep, as the other ligands L2 and L3 were either not

strong enough or else not concentrated enough to suppress metal adsorption in a

high amount. Elevated concentrations of Li, and thus lower complexation constants,

clearly decreased the slope of the adsorption isotherm. This means that there are

competition reactions between the ligand in solution and the surface in this

concentration range.

5.0E-06 1 1

0.0E+00 1.0E-07 2.0E-07 3.0E-07 4.0E-07

Copper in solution [M]

Fig-. 5.44: Copper adsorption isotherm at pH 7.35 in the presence of infiltration
groundwater organic ligands. The dependence ofthe copper adsorption on goethite
in the presence of organic ligands on the complexation constants and the ligand
concentration is analysed.

The ligand Lj was responsible for most ligand effects on metal adsorption.
That is why it is interesting to estimate what influence would have either variations

of its complexation constant or its concentration on metal adsorption. Calculations

were performed with the DLM model as described in section 5.4.
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Effect of log Ki on Copper Adsorption

Keeping the concentration of the copper ligand Li constant ([L]] = 7-10 M)

and increasing its complexation constant log Kj did not effect copper adsorption

(data not shown). Thus log Kb as defined in our model, was already so strong that

the ligand Li was saturated.

As the value of the first complexation constant was decreased

([Li] = 7-1 CT8 M), competition effects between the ligand and the surface could

clearly be observed at a constant of log Ki=14.5 (now complexation strength can be

compared to that of the second ligand L2), as the curve was no longer a straight line

at pH values above 6. Up to pH 7.9, complexation strength of the ligand was

stronger than that of the surface. At pH values above 7.9, the complexation strength

of the surface got stronger. Above pH 7.9, the first pKa value of the surface, the

concentration of =Fe-OH surface species got bigger. If complexation constants

were decreased to about 13, the ligand had no longer an effect on copper adsorption

(Fig. 5.45). For these calculations, only the ligand L! was considered, i.e., L2 and L3

were omitted in order to distinguish the effects of the strong ligands only. As a

consequence the adsorption edge became a straight line at pH values above 5, as no

competition reactions with the second ligand occurred.
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Fig.5.45: pH adsorption edge ofcopper in thepresence ofinfiltration groundwater

organic ligands. The influence of the complexation constant of the strong copper

ligand on copper adsorption was analysed.
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Changing the concentration of Li (log Ki=l6.29) had a negative effect on

n

copper adsorption, and at concentrations higher than 5-10" M, all copper was

mobilised (Fig. 5.46).
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Fig. 5.46: pH adsorption edge ofcopper in the presence ofinfiltration groundwater

organic ligands. The influence of the strong ligand concentration on copper

adsorption was analysed.

Effect of [Li] on Cadmium Adsorption

Keeping the concentration of the ligand Li constant ([Li] = 5.36-10"10 M) and

inreasing its complexation constant, decreased cadmium adsorption (Fig 5.47). If the

log Ki value was increased to a value between 15 and 16, the strong cadmium ligand

Li was saturated. Up to this value competition reactions between the strong ligand

and the surface occurred. By decreasing the value of log K]5 another effect could be

observed. At a log Ki value of about 12, competiton reactions between the second

ligand L2 and the strong ligand occured and adsorption was no longer affected by

variations of the strong ligand.

Increasing the concentration of Lj had a negative effect on cadmium

adsorption. At concentrations above MO"8 M, all cadmium was complexed by the

organic ligands (Fig. 5.48).
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5.15 Conclusions

A total inhibition of adsorption due to organic ligands which was found in

this study at low metal concentrations had not been observed till now. A first

explanation may be that most studies were carried out at higher copper

concentration, where this effect was camouflaged due to saturation of strong,

specific ligands. Another explanation would be that most studies were carried out

with the humic or the fulvic fraction. However, the strong complexation capacities

necessary for this effect could not be observed in this fraction (Xue and Sigg, 1999).

This result was also shown by calculations with the WHAM model.

Nothing more is known about the structure and nature of these strong organic

ligands, but we have to keep in mind, that also anthropogenic ligands, like e.g.,

EDTA, were present in this groundwater (Tab. 5.2). EDTA is known to be a strong

complexant, and it could be possible, that adsorption inhibition at low metal

concentrations was at least partly due to this strong ligand. Nowack et al. (1997)
made studies in the same infiltration groundwater and showed that CuEDTA

complexes were present in this groundwater. Less NiEDTA complexes were found

than expected according to equilibrium calculations. At pH > 7, remobilization of

adsorbed metals by exchange with Fe(IH)-EDTA is thus possible.
No ternary complexes were needed to model metal adsorption in the presence

of natural organic ligands. Probably the strong organic ligands Li are low-molecular

weight ligands, which do not have a high affinity for the surface at higher pH values.

Furtheron the complexation with the metals in solution may keep this ligand in

solution. The weaker ligands probably are higher molecular weight organic ligands
and adsorb on the surface. However, as goethite is a very strong adsorbent, metals

preferentially react with the surface functional groups instead with the adsorbed

organic ligands.
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Summary and Outlook
The goal of this study was to find a method that allows the systematic

description of the influence of organic ligands on the adsorption of copper,

cadmium, and nickel. For this purpose, experiments were performed with simple

organic ligands as well as with natural, unfractionated organic material. It was our

aim to show that complex natural systems could as well be described by simple
models and it will be shown in section 6.1 that the behaviour of the natural organic

ligands can be compared to that of simple organic ligands. The present laboratory

experimental results were important to study on the one hand the competition
between adsorption and aqueous complexation reactions, and on the other hand

electrostatic interaction of metal cations by adsorbed ligands. The significance and

applicability of the results in environmental systems will be discussed in section 6.2.

However, limitations to transfer the information from the laboratory experiments to

the transport of metals in a natural groundwater still exist. An outlook to further

studies necessary to understand such a complex system will be given in section 6.3.

6.1 Main Results

In a first part, experiments were performed with simple organic ligands

(oxalate, salicylate, and pyromellitate). As a summary of the adsorption

experiments, following statements could be made. Salicylate, which is the weakest

ligand, had no pronounced effect on heavy metal adsorption. Oxalate, a strong

complexant, tended to suppress metal adsorption. Pyromellitate, because of

favourable position of the functional groups and strong complexation capacities,
formed in addition to complexation in solution also ternary surface complexes.
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The influence of these ligands on the adsorption of metals could be described

by simple models, which were refined by successive addition of surface reactions.

First, metal adsorption estimations started with the most simple model,

considering only metal adsorption and complexation of the metal in solution. This

model described competition reactions between the organic ligands in solution and

the surface functional groups. Calculations performed with this model

underestimated metal adsorption in the presence of strong ligands. However, in the

presence of weak ligands, like salicylate, the description of metal adsorption was

adequate.

Secondly, ligand adsorption was included into the model. In this way, the

electrostatic attraction of the metal by the adsorbed ligand could be described. In all

systems, the calculated adsorption edge was shifted to the left of the one estimated

with the first model, but still metal adsorption was underestimated in the oxalate and

pyromellitate systems.

Thirdly, formation of ternary surface complexes of type A and B was

assumed. Adsorption of copper in the pyromellitate system and of nickel in the

oxalate system could be described by ternary surface complexes of type B, whereas

copper adsorption in the salicylate system could be improved by assuming a ternary

surface complex of type A. The advantage of this stepwise modelling method is that

the single effects of the ligands on metal adsorption, i.e., competition reactions,

electrostatic and specific interactions on the surface could be separately defined
.

In a second part, experiments were carried out with natural infiltration

groundwater ligands. The experiments were performed with batch laboratory

experiments, where the conditions were kept as close as possible to the

environmental ones, by using an unfractionated DOC and by keeping DOC as well

as metal concentrations close to environmental conditions. All these experiments

could be interpreted in a similar way to above described experiments, using a

discrete model taking into account the complexation behaviour of the dissolved

organic ligands and a surface complexation model for the description of the metal

adsorptions. Using these two modules, all metal adsorption data could be described

adequately. The major influence of the organic ligands on metal adsorption, i.e.,

suppression of metal adsorption at low metal concentrations, was was explained by a

very strong specific ligand (Li). The presence of weaker ligands (L2 and possibly L3)
did not affect adsorption in a pronounced way. Concentrations and complexation

properties of these ligands were determined from metal titration curves.
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Surprising is the fact that no ternary surface complexes with the natural

organic ligands had to be invoked to explain the results. Similar results could have

been expected with these multifunctional ligands as with pyromellitate. This

observation can be explained by analysing the properties of the organic ligands. The

weaker ligands L2 and L3 are expected to sorb onto the goethite surface. Their

molecular weight distribution can probably be compared to that of high molecular

weight humic acids, which have a great affinity for the surface. The surface

functional groups, which are in excess of the organic ligand and metal

concentrations, compete with the adsorbed ligands for complexation of the metal. As

goethite is a very strong adsorbent, metals preferentially adsorb onto the free

goethite functional groups (Lewis base) rather than complex to the organic ligands.

The strong ligand Li, on the other hand, is probably of lower molecular weight. As a

consequence, it does not have a high affinity for the surface at high pH values, but

forms instead complexes with the metals in solution and in this way decreases

adsorption.

Combining the results obtained in the presence of natural organic ligands

with those obtained in the presence of simple organic ligands, it can be concluded

that the influence ofDOC on copper adsorption in our system can be described by a

model system including salicylate at a concentration which equals the sum of the

concentrations of the weak ligands L2 and L3 and an additional strong ligand, Lj.

Calculations were performed in the natural system with copper, where the ligands L2

and L3 were replaced by salicylate ([salicylate] = 2.3- 1(T6 M). The ligand Li was

included unchanged into the model, i.e., [L!]=7-108 M and log Ki = 16.3 (Fig. 6.1).



164 Chapter 6

8.0E-07

jap

2 6.0E-07

u

a

§- 4.0E-07 i
u

«

g 2.0E-07

0.0E+00

3.0

Experimental values

0.01 M KN03

5.0

••

Models

-model without organic ligands

model with salicylate and

pH

strong ligand
i

7.0 9.0

Fig. 6.1: pH adsorption edge ofcopper in the presence of infiltration groundwater

organic ligands in comparison to adsorption in absence of organic ligands.

Modelling of copper adsorption in the presence of natural organic ligands was

performed by representing the weak natural organic ligands L2 and L3 by salicylate
and by considering additionally a strong organic ligand Lj.

6.2 Environmental Significance
The infiltration groundwater used in this study comes from the river Glatt and

can be considered to be typical for the Swiss plateau. Typical agglomerations and

industrial areas within the Glatt catchment area and several water treatment plants

discharge their water into the river. Thus, the composition of the river water, and as

a consequence, that of the infiltration groundwater, can be considered to be

representative of many other groundwaters that are in contact with

anthropogenically slightly contaminated surface waters.

The solid phase goethite used as adsorbent in this study can adequately

represent sorbents in natural groundwater systems. Fe(II), which may be formed in

reduced spots, is reoxidized again once it comes into contact with oxygenated water.

Fe(III), which is formed by this oxidation reaction, precipitates as amorphous iron

(hydr)oxide. Iron (hydr)oxides are often found as coatings on other minerals. They

are excellent sorbents, which can well be represented by goethite.

As the flow rate in natural groundwaters is normally quite small, it can be

assumed in a first estimation, that our results from the batch experiments are also

applicable to a natural aquifer system. In the groundwater, analysed in this study,
with quite a low DOC content, metal adsorption is strongly suppressed at low metal
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concentrations due to complexation of the metal by the dissolved ligands. Once

these strong aqeous organic ligands are saturated, metals adsorb onto the surface, as

the surface functional groups become then the strongest complexants. At ambient

metal concentrations of the Glatt groundwater, metals would be complexed by the

strong ligand Li and thus would probably be mobilised. The nature of these strong

ligands, responsible in our system for mobilisation, is yet unknown. They may either

be natural ligands of low molecular weight, or else anthropogenic organic ligands, as

e.g., EDTA or NTA (Nowack et al., 1997).

Further on, metal mobilisation depends on the ratio ligand to metal. Although

humic substances are considered to be weaker ligands, mobilisation of metals in

waters rich in humic substances is still possible.

As a consequence, metals, which are previously immobilised in a soil, can be

remobilised due to the presence of strong organic ligands. Thus they may become

bioavailable and toxic to certain organisms or may reach deeper groundwater

systems.

6.3 Limitations and Outlook

One major limitation in this study is that no information is available on the

structure of the surface complexes formed. In order to refine the models, however,

more mechanistic information would be of prime importance. Thus, it would be

helpful to do surface spectroscopic and microscopic measurements at least on the

model ligands. With these analyses, it could be deduced whether innersphere or

outersphere surface complexes were formed and whether there was formation of

ternary surface complexes.

In order to better represent reactions in natural groundwater systems, the

kinetics of the interactions between metals, ligands, and solid phases have also to be

considered. The best way to do this would be to carry out column experiments. Of

main interest would be experiments, where the order of addition of the components

into the columns was changed. This would give information under which conditions

adsorbed metal cations could be remobilised by organic ligands. As metals get

bioavailable or may reach deep groundwaters, this knowledge would be of high

importance in the study of the environmental impact of heavy metals in groundwater

systems.

In order to be able to describe other groundwater sites as well, e.g., with

higher DOC content, older groundwaters, or acidic groundwaters, more knowledge
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should be obtained about DOC, as the properties of the organic ligands play an

essential role in the distribution of heavy metals. This is a very difficult task, but

redoing similar experiments as in this study with DOC coming from different

groundwater sites would be helpful. Further characterisation of DOC, like e.g.,

molecular weight distribution and the characterisation of functional groups, would

be interesting.
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