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Zusammenfassung

Hohe Umsatzmengen, zahlreiche Altlasten, hohe Mobilität und Gefahr von Trink¬

wasserkontaminationen und hohe Toxizität und Ökotoxizität sind die Gründe,

weshalb Chrom(VI)-Verbindungen als Hauptverschmutzungssubstanzen eingestuft

werden. Chemische Reaktionen, durch welche Cr(VI) zu Cr(III)-Verbindungen

reduziert werden, sind von speziellem Interesse, da Cr(III) praktisch ungiftig ist

und es sich in der Umwelt ziemlich immobil verhält. Ein wichtiges

Reduktionsmittel in Böden und natürlichen Gewässern ist Eisen(II).

Diese Dissertation untersuchte Kinetiken und Reaktionsmechanismen von

Cr(VI)-Reduktionen durch Fe(II)-Verbindungen in homogenen und heterogenen

Modellsystemen und Bodensuspensionen im Labor. Die wichtigsten analytischen

Methoden waren UV-VIS mit Multikomponenten-Analyse für die Bestimmung

von Cr(VI) und Fe(III)-Carboxylaten, kolorimetrische Methoden und ICP-OES

für Metallanalysen und Kapillarzonenelektrophorese für die Identifikation von

Cr(III)-Carboxylaten.

Unter typischen Umweltbedingungen erfolgt die Reduktion von

mikromolaren Konzentrationen von Cr(VI) durch Fe(II) innerhalb von Sekunden

bis Stunden. Die Kinetik ist im wesentlichen bestimmt durch die Speziierung von

Fe(II). Oberhalb von pH 4 unterliegt der Redoxprozess einem Geschwindigkeits¬

gesetz, das Reaktionen mit freiem Fe2+, Fe(II)-Hydroxo-Spezies, organischen

Fe(II)-Komplexen und auf Mineraloberflächen sorbierten Fe(II) Spezies

berücksichtigt: -d[Cr(VI)]/dt - (kJFe2*] + k2[FeOH+l + k3[Fe(OH)2°l +

S kL[Fe(II)L] + X ks[>S-Fe(II)]).[Cr(VI)].
In DOC-freien, homogenen Lösungen zeigt die Reduktion von Cr(VI)

durch Fe(II) eine ausgeprägte pH-Abhängigkeit mit einer minimalen Rate um pH

4. Mit zunehmendem pH wird die Reaktion hauptsächlich durch die sehr reaktiven

Fe(II)-Hydroxo-Komplexe bestimmt. Unterhalb von pH 4 gewinnt ein anderer,

früher beschriebener Reaktionsmechanismus an Bedeutung.

Die Redoxreaktion ist stark beeinflusst durch Fe(II)-komplexierende,

organische Verbindungen. Fe(III)-stabilisierende Liganden wie etwa Carboxylate



oder Phenolate beschleunigen die Reaktion, während Fe(II)-stabilisierende

Liganden wie Phenanthrolin die Reaktion praktisch stoppen. Die

Geschwindigkeitskoeffizienten kL variieren mehr als zehn Grössenordnungen und

nehmen zu mit abnehmendem Reduktionspotential der sich bildenden Fe(III)-

Komplexe. Der fast lineare Zusammenhang zwischen log kT und EH° (Fe(III)L)

kann durch Markus-Theorie und klassische kinetisch-thermodynamische Konzepte

beschrieben werden.

Die Reaktivität von Fe(II) nimmt auch zu durch Sorption auf Siliziumoxid,

Tonmineralien und Fe(III)-(Hydr)oxiden, ähnlich wie durch Komplexierung

durch gelöste OH - oder Carboxylat-Liganden. Im Gegensatz dazu verlangsamt

die Cr(VI)-Adsorption auf A1203 die Reaktion geringfügig. Bei pH 5 nehmen die

Reduktionsraten in der folgenden Reihenfolge ab: a-FeOOH « y-FeOOH »

Montmorillonit > Kaolinit ~ Si02 » A1203. Während adsorbiertes Cr(VI)

reduzierbar ist durch Fe(II), ist Cr(VI) im schwerlöslichen BaCr04, das sich in

einigen Böden bilden kann, mehr oder weniger vor Reduktion geschützt.

Ähnliche Kinetiken wurden mit natürlichem Bodenmaterial beobachtet.

Ausgewählte Horizonte eines Podzols (O, E, BFe) wurden mit den Modellsystemen

(Carboxylate, Si02, FeOOH/Al203) verglichen und zeigten qualitativ dasselbe

Verhalten. Ausserdem wurde ein Cr(VI)-kontaminierter, alkalischer Boden mit

unterschiedlichen Mengen und Formen von Fe(II) behandelt.

Die Charakterisierung der Cr(III)-Produkte ist relevant im Hinblick auf

Mobilität und Oxidation durch Mn(III/IV)-Mineralien. In homogenen Lösungen

wurden amorphe Cr(III)/Fe(III)-Kolloide beobachtet, während auf gewissen

Mineralien teilweise kristalline Oberflächenausfällungen gefunden wurden.

Lösliche Cr(III)-Carboxylate konnten in Gegenwart von organischen Liganden

identifiziert werden.

Die vorliegenden kinetischen Daten und Reaktionswege sind wichtig für das

Verständnis des Verhaltens von Cr(VI) in natürlichen Systemen, für die

Optimierung von Fe(II)-Mineral-Mischungen als Reduktionsmittel für Cr(VI) in

technischen Systemen und für die Evaluation von Sanierungsstrategien für

Cr(VI)-kontaminierte Wässer und Böden durch Fe(II).



Summary

High production volumes, numerous polluted sites, high mobility and danger of

drinking water contamination, combined with serious toxicity and ecotoxicity, are

the reasons to rank chromium(VI) compounds among the priority pollutants.

Chemical reactions by which Cr(VI) is reduced to Cr(III) compounds are of

special interest as Cr(III) is essentially non-toxic and usually quite immobile in the

environment. An important reductant in soils and natural waters is iron(II).

This dissertation investigated kinetics and reaction mechanisms of Cr(VI)

reductions by Fe(II) compounds, in homogeneous and heterogeneous model

systems and soil suspensions in the laboratory. The main analytical methods were

UV-VIS with multicomponent analysis for determination of Cr(VI) and Fe(III)

carboxylates, colorimetric methods and ICP-OES for metal analysis, and capillary

electrophoresis for identification of Cr(III) carboxylates.

Under conditions typically prevailing in the environment, the reduction of

micromolar concentrations of Cr(VI) by Fe(II) occurs within seconds to hours.

The kinetics is mainly determined by the speciation of Fe(II). At pH > 4, the

redox process obeys a rate law that considers reactions with free Fe2+, Fe(II)

hydroxo species, organic Fe(II) complexes, and Fe(II) species sorbed on the

surface of minerals: -d[Cr(VI)]/dt * (k,[Fe2+] + k2[FeOH+] + k3[Fe(OH)2°] +

S kL[Fe(II)L] + S ks[>S-Fe(II)])-[Cr(VI)].

In DOC-free, homogeneous solutions, the reduction of Cr(VI) by Fe(II)

shows a marked pH dependence with a minimal rate around pH 4. With increasing

pH, the reaction is mainly driven by the highly reactive Fe(II) hydroxo

complexes. Below pH 4, another, previously described reaction mechanism gains

importance.

The redox reaction is strongly influenced by Fe(II)-complexing organic

compounds. Fe(III)-stabilizing ligands such as carboxylates or phenolates



accelerate the reaction whereas Fe(II)-stabilizing ligands like phenanthroline

essentially stop the reaction. The rate coefficients kL vary by more than ten orders

of magnitude and increase with decreasing electron reduction potential of the

forming Fe(III) complexes. The nearly linear relationship between log kL and EH°

(Fe(III)L) can be described by Marcus theory and classical kinetic-

thermodynamic concepts.

The reactivity of Fe(II) is also increased by sorption on silica, clay

minerals, and Fe(III) (hydr)oxides, similar to the effect of complexation by

dissolved OH" or carboxylate ligands. By contrast, Cr(VI) adsorption on A1203

slightly slows down the reaction. At pH 5, the reduction rates decrease in the

order a-FeOOH « y-FeOOH » montmorillonite > kaolinite ~ Si02 » A1203.

Whereas adsorbed Cr(VI) is reducible by Fe(II), Cr(VI) in the barely soluble

BaCr04, which can be formed in some soils, is largely protected from reduction.

Similar kinetics were obtained with natural soil material. Selected horizons

of a forested podzol (O, E, BFe) were compared with the model systems

(carboxylates, Si02, FeOOH/Al203) and showed qualitatively the same behaviour.

In addition, a Cr(VI)-contaminated alkaline soil was treated with different

amounts and forms of Fe(II).

The characterization of the Cr(III) products is relevant with respect to

mobility and reoxidation by Mn(III/IV) minerals. Amorphous Cr(III)/Fe(III)

colloids were observed in homogeneous solution whereas partly crystalline

surface precipitates were found on certain minerals. Soluble Cr(III) carboxylates

could be identified in the presence of organic ligands.

The presented kinetic data and reaction pathways are important for

understanding the behaviour of Cr(VI) in natural systems, for the optimization of

Fe(II)/mineral mixtures as reductants of Cr(VI) in technical systems, and for the

evaluation of remediation strategies of Cr(VI)-contaminated waters and soils by

Fe(II).
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1

Introduction

1.1 Motivation

The Chromeleon

The element chromium resembles in many figurative meanings the chameleon and

you may allow me therefore to call it "chromeleon". The chromeleon adapts its

colour to the redox environment, e.g., Cr(VI) species appear in yellow-to-red

shades, Cr(III) in green-blue-violet colours, Cr(II) in blue, and metallic Cr in

silvery white. Striking peculiarities of the chromeleon are the useful applications

in various industries, more camouflaged however are the detrimental Cr

contaminations of natural waters and soils. "Lion of the soil" is, by the way, the

English translation of the greek word "chamaileon". The chromeleon species

Cr(VI) and Cr(III) behave quite differently in nature and show almost contrasting

properties with regard to toxicity, reactivity, solubility, and mobility. If a

chromeleon(VI) is attacked by a reductant such as Fe(II) it rapidly transforms to a

chromeleon(III). The Cr(III) then either remains on the spot and forms

precipitates or it takes to its heels as a soluble complex.
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The Janus Face of Chromium

Figure 1 gives an overview of the numerous industrial applications of chromium

compounds. The worldwide annual mining of chromite ores (FeCr204) is in the

order of 10 million tons (1 ). Important chromite mines are located in South

Africa, Russia, and India.

Leather Refractory
tanning /-applications
6% / 5%

Metallurgical
applications

80%

Other

2%

Metal

finishing
3%

Pigments
2%

Wood

^reservation

7c

Figure 1

Use of chromium by different industries (western world, 1996) (2).

Trivalent chromium, the most common oxidation state in nature, is an essential

trace element in the glucose metabolism (1, 3). As part of the so-called glucose

tolerance factor it regulates the release of insulin, and by that, the glucose level in

the blood. Cr(III) insufficiency can cause adult-onset diabetes. Essential functions

of Cr(III) in plants have not been found.

In contrast, Cr(VI) compounds are toxic to essentially all organisms (1, 3).

Chronic exposition to Cr(VI)-containing dusts and steams can lead to lung

tumours and carcinoma. A certain form of dermatitis can develop after chronic

contact with cement of high Cr(VI) content. The anionic Cr(VI) compounds

penetrate relatively easily through cell membranes. Inside the cells, Cr(VI) is
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reduced by several enzymes under formation of reactive intermediates such as

Cr(V), Cr(IV), and various radicals which damage DNA, RNA, or proteins.

As a result of the extensive industrial use, Cr compounds have been

released to the environment from several point sources and via diffuse pathways.

Numerous soils, sediments, groundwaters, and surface waters are contaminated

with anthropogenic Cr(VI) (4). Many Cr(VI) compounds, due to their high

solubility, are extremely mobile in natural systems and they are therefore of

concern for the quality of drinking water resources (5). The remediation of

certain chromium hot spots is urgent.

High production volumes, numerous polluted sites, high mobility and

danger of drinking water contamination, combined with serious toxicity and

ecotoxicity, are the main reasons why Cr(VI) compounds are ranked among the

priority pollutants.

The Reductant Fe(II)

Understanding the redox chemistry of chromium is of fundamental importance in

order to assess its adverse effects to the environment. Cr(III) and Cr(VI) are the

two oxidation states which are reasonably stable in natural systems. Efficient

reductants of Cr(VI) are certain components of natural organic material, divalent

iron, and reduced sulfur species. Oxidation of Cr(III) seems to be dominated by

reactions with manganese oxides (6).

Among the reductants, Fe(II) species are of special interest because of their

high reactivity and their ubiquitous occurrence (7). Fe(II) is released by

weathering of Fe(II)-bearing minerals and, under more reducing conditions, by

reductive dissolution of Fe(III) oxides and silicates. These processes are often

mediated by microorganisms. In surface and atmospheric waters, Fe(II) is formed

photochemically. Furthermore, Fe(II) is an option for the treatment of industrial

waste waters and possibly for the remediation of Cr(VI)-contaminated sites.
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1.2 Outline of the Thesis

A major goal of the present thesis was to investigate kinetic and mechanistic

aspects of the Cr(VI) reduction by Fe(II). The influence of important

environmental parameters on the reaction kinetics was studied in simple

laboratory systems. The role of pH, dissolved organic ligands (citrate,

nitrilotriacetate, oxalate, phenanthroline, salicylate, and tartrate), and of mineral

surfaces (aluminum oxide, goethite, kaolinite, lepidocrocite, montmorillonite, and

silica) is described in the chapters 2, 3, and 6, respectively.

Additional kinetic experiments were conducted with soil of an

uncontaminated podzol (Figure 2) to which different amounts of Cr(VI) and

Fe(II) were added. A characteristic property of this podzol were the well

separated soil horizons. Their distinct chemical and mineralogical composition

allowed me to make comparisons with the model systems, e.g., fulvic and humic

acids of the soil with organic ligands like oxalate or salicylate (Chapter 3), the

quartz-rich eluviation horizon with silica (Chapter 6), and the sesquioxide-rich

illuviation horizon with Fe and Al (hydr)oxides (Chapter 6).

A further step towards applied research and remediation strategies were

studies with a Cr-polluted alkaline soil (Chapter 7). Aqueous soil slurries were

treated with Fe(II) in order to reduce the Cr(VI) compounds.

The knowledge of the Cr(III) products so formed was of special interest

with respect to their mobility in natural systems and to unwanted reoxidation by

manganese oxides. Several Cr(III) carboxylates were separated and identified with

capillary electrophoresis (Chapter 4).

An extended analysis and discussion of the reaction mechanism of Cr(VI) •

reduction by organic Fe(II) complexes is given in Chapter 5. The central point is

the description of the relationship between kinetics and thermodynamics by

Marcus theory.

Chapter 8 summarizes some important conclusions of the thesis and gives

an outlook on open questions.
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2

Kinetics and pH Dependence of

Chromium(VI) Reduction by Iron(II)

Ignaz J. Buerge and Stephan J. Hug

Environmental Science and Technology (1997) 31: 1426-1432

Abstract

Iron(II) is one of the most important reductants of chromium(VI), a severe,

toxic contaminant of natural waters, sediments, and soils. We studied the

reaction kinetics between pH 2 and pH 7.2 with UV-VIS and multicomponent

fitting, a method without the interference of added reagents. The reaction rate

was minimal around pH 4. A rate increase with decreasing pH below 4 is

documented in the literature. However, a pH-dependent kinetic expression for

environmentally relevant, higher pH conditions has not been reported yet. For

pH 4.4-7.2 (solutions buffered with acetate, MES, and PIPES, initial 10-20 uM

Cr(VI) and 30-60 uM Fe(II), I = 0.01 M KCl, 23 ± 3 °C), we derived the

following rate law: -d[Cr(VI)]/dt == kobs(pH)-[Fe(II)][Cr(VI)l, with

kobs = (0.34 ± 0.47) M'Y1 + (3.29 ± 0.66)-109 M'Y1 [OH"] + (4.82 ± 1.53)-1016

M'Y1 [OH-]2 (standard deviations), where Cr(VI) to Cr(V) is the rate-

determining step. The equivalent expression -d[Cr(VI)]/dt = (kJFe2+] +

k2[FeOH+] + k3[Fe(OH)2°])[Cr(VI)], with k, = (0.34 ± 0.47) M"Y\



8

k2 = (1.41 ± 0.28)-105 MV\ k3 = (2.84 ± 0.90)-109 MV, provides a plausible

interpretation. The kinetic constants (log k) are related to the electron

reduction potential of the corresponding aquo- and hydroxo-Fe(III)/Fe(II)

redox couples, probably in a linear free enthalpy relation. Comparison to the

analogous kinetic expression for Fe(II) oxygenation shows that Cr(VI) oxidizes

Fe(II) faster than 02 (for [Cr(VI)] = [02] by a factor of « 3-104 at pH 4, 6-103

atpH6, and MO3 at pH 8).

2.1 Introduction

Chromium has both beneficial and detrimental properties. Whereas Cr(III) is

essential in human nutrition (especially in glucose metabolism), most of the

hexavalent compounds are toxic, several can even cause lung cancer (1-4).

From an economical point of view, the advantages of chromium applications in

a wide range of industries (1, 2), such as the production of stainless steel, in

electroplating, refractory industry, tanning of leather, pigment and chemical

industry, etc., contrast with its negative external effects as a hazardous

pollutant. Numerous soils, waste sites, groundwaters, and surface waters are

contaminated with anthropogenic Cr(VI) (5, 6).

Since the oxidation state determines human and ecotoxicological effects

and also physicochemical properties such as mobility and transport behavior,

redox reactions are very important in the environmental chemistry of

chromium. Organic compounds, Fe(II), and reduced sulfur species may be

responsible for the reduction of Cr(VI) to Cr(III) in natural waters, sediments,

and soils. Oxidation of Cr(III) to Cr(VI) seems to be dominated by reactions

with manganese(III,IV) (hydr)oxides (7-9).

Several authors partly attribute Cr(VI) reduction observed in field

studies to the reaction with Fe(II) compounds. Research has been conducted in

different natural systems: e.g., a mildly reducing aquifer (10), a flooded

wetland soil (11), acidic subsurface soils (12), alkaline soils with added Fe(II)

(13), an estuary (14), bottom water of a seasonally anoxic lake (15), simulated
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natural waters (16), and in a system containing soil humic substances and Fe

(17). Under reducing conditions, iron(III) (hydr)oxides and silicates undergo

reductive dissolution and are dominant sources of divalent iron (18). These

processes are often mediated by microorganisms, e.g. (19). Furthermore,

Fe(II) is released directly by weathering of Fe(II)-bearing minerals (12, 20,

21) or building materials, e.g., cement (22). In surface waters containing

Fe(III) particles, Fe(II) is produced photochemically (14, 23). Finally, for

remediation of Cr(VI)-contaminated sites and the treatment of industrial waste,

the addition of Fe(II) or Fe(0) is being discussed and partly employed (6, 24-

26).

The stoichiometry of the Cr(VI) reduction by Fe(II) has been

investigated by Eary and Rai (pH 2-13) (24) and Schroeder and Lee (pH 7-9)

(16). Extensive kinetic studies were carried out under strongly acidic

conditions at pH < 2 (27-29). Laboratory work conducted at higher pH is

scarce. Fendorf and Li (30) published a pH-independent rate expression, first

order in Cr(VI) and fractional order in Fe(II), at pH values between 6 and 8.

In contrast to their results, we observed different reduction rates, varying with

pH. The purpose of our investigations was to find a generalized, pH-dependent

rate law for Cr(VI) reduction by Fe(II), applicable to environmental pH

conditions and micromolar Cr(VI) concentrations that typically occur in

contaminated natural waters and soils.

Since the reaction of Cr(VI) with Fe(II) is strongly influenced by pH and

organic ligands, e.g., oxalate (31), we have used a UV-VIS analytical method

for the measurement of Cr(VI) in which no reagents have to be added to the

solution, similar as in (31). The commonly employed diphenylcarbazide

method (32, 33) is problematic because the DPC reagent is usually acidic and

lowers the pH of the solution. DPC leads to the reduction of Cr(VI) to a

Cr(III)-diphenylcarbazone complex. The Cr(VI) reduction by Fe(II) occurs

parallel to this reaction.
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2.2 Experimental Section

Materials

Reagents from Merck (KCl pro analysi, CH3COONa p.a., (NH4)2Fe(S04)2-6H20

p.a., K2Cr04 p.a., CH3COONH4 p.a., H2S04 95-97 % p.a., HCl 32 % p.a., NH3

25 % p.a., Titrisol HCl 1 M, 0.1 M, NaOH 1 M, 0.1 M) and Fluka (ferrozine

C20H12N4NaO6S2-3H2O p.a., 2-morpholino-ethanesulfonic acid monohydrate

(MES) C6H13N04SH20 biochemika, piperazine-l,4-bis-(2-ethanesulfonic acid)

(PIPES) C8H18N206S2 biochemika) were used without further purification.

Solutions were prepared with 18 MQ water (Q-H20 grade Barnstead

Nanopure). The experiments were carried out in HCl-cleaned glassware.

Filters from Gelman (Nylon acrodisc 13, 0.2 urn) were rinsed with water

prior to use.

Experiments

The kinetic experiments were performed by rapid mixing (< 5 s) of a pH-

buffered Cr(VI) solution with a small volume of acidic Fe(II) solution,

followed by removing aliquots for analysis at defined time intervals.

Cr(VI) solutions (100-250 ml) were prepared in a glass beaker (pH 2-6)

or in an air-tight sealable three-neck flask (pH 6-7.2) by dilution of stock

solutions. Potassium chloride served as the inert electrolyte medium (0.01 M).

In the investigated pH range (2.0-7.2), we used several buffers (1 mM) that

have minimal tendency to complex Fe(II) (acetate for pH 4.4-5.3, MES for pH

5.5-6, PIPES for pH 6.4-7.2). The initial pH was adjusted with 0.1 M HCl or

NaOH. By use of buffers, we avoided the addition of NaOH during the

reactions to keep a constant pH. Short-term, locally high NaOH concentrations

could have led to enhanced Fe(II) oxidation rates. Below pH 4, the HCl

concentration was sufficient to buffer the solutions. The pH was monitored

during all experiments with a combination glass-Ag/AgCl electrode

(Metrohm), calibrated with pH buffer solutions (Merck). The solutions at pH

2-6 initially contained 20 uM Cr(VI); those at pH 6-7.2 contained 10 uM

Cr(VI). The reactions were started by adding freshly prepared, acidified Fe(II)
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([Fe(II)]0 = 60 uM at pH 2-6 and 30 uM at pH 6-7.2). In order to prevent

Fe(II) oxidation by dissolved oxygen above pH 6 (34), the solutions in the

three-neck flask were sparged with N2 for at least 30 min before the addition

of Fe(II) with a Hamilton syringe through a Teflon/silicone disk septum. The

experiments were carried out at 23 ± 3 °C. Samples were periodically

withdrawn with a syringe, and at pH > 6, through an air-tight sealable three-

port tap.

Analytical Methods

Chromate and bichromate concentrations were determined by recording UV-

VIS spectra in quartz cells (spectrophotometers: Uvikon 860/Kontron and Cary

1E/Varian, 1-5 cm path length). The samples were measured within 1-5 min,

above pH 4 after filtration (to remove light-scattering precipitates). Since the

reactions at pH > 6 were too fast for sampling, filtration, and analytical

measurement, we proceeded as follows: 10-ml sampled aliquots with pH > 6

were added to 100-200 ul of 1 M acetate buffer. At the resulting pH (~ 4.5),

the reaction was sufficiently slow for subsequent filtration and analysis within

2-7 min (samples with the highest concentrations) to < 30 min (samples with

the lowest concentrations).

The filtered samples contained several species that exhibit characteristic

charge transfer absorption bands in the UV-VIS range between 250 and 500

nm (HCr04, Cr042, Fe3+, FeOH2+, Fe(OH)2+, and polynuclear Fe(III) species).

The Cr(VI) concentrations were extracted by multicomponent fitting of the

measured spectrum with the measured spectra of the (pure) components

(Figure la). The Beer-Lambert law (eq 1) at all measured wavelengths X1 can

be written as a matrix equation (eq 2):

Abs(^) = £ (eHCrO4„(?0 cHCr04„ + £CrO42-(?0 cCr042- + ^s+(K) cFe3+ •) (1)

X = £ E c (2)
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where Abs^) is the absorbance at wavelength X{, £ is the length of the optical

cell, e is the decadic molar extinction coefficients, A is the measured

spectrum, E is the matrix of the pure component spectra ordered in columns,

and c is the concentrations of the components, c is obtained by

c=E^AI£ (3)

Since E is not a square matrix (the equation system is overdetermined), we

computed a pseudo-inverse matrix E"1 with singular value decomposition, a

method that is equivalent to linear least square fitting. More detailed

mathematical information can be found in (35). These procedures were

performed using the mathematics software Matlab (36).

The selected wavelength interval for fitting was in the range of the

spectrally most intense and distinctive absorption of the component to be

determined. We were primarily interested in measuring HCr04 and Cr042 (at

320-400 nm, Figure lb).

Figure 1

a) UV-VIS absorption spectra of20-100 jiM HCr04 at pH 2.5, Cr04 atpH

11.5, Fe(III) at pH 2 (mainly Fe3+), pH 3 (mainly FeOH2+), andpH 5

(mainly Fe(OH)2+) normalized to concentrations of 1 M and path lengths

of 1 cm. The measured molar absorptivities are 1610 II(mol cm) at 349

nm for HCr04 and 4927 II(mol cm) at 372 nmfor Cr04 .

b) Spectra during a reduction experiment at pH 5.7 ([Cr(VI)]0 = 20 ]iM,

[Fe(II)]0 = 60 piM, MES buffer) recorded at different time intervals. The

residuals (data minus fit) are shown offset above the data. The

components for fitting were HCr04, Cr04 ,
and Fe(III) at pH 5.
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The Fe(III) spectra (Figure la) contain contributions from polynuclear Fe(III)

species. Since there was no need to determine the concentrations of the

individual Fe(III) species, we did not attempt to resolve these spectra.

However, inclusion of the Fe(III) spectra into the component set was necessary

to account for the pH-dependent Fe(III) speciation and to obtain fits with

residuals within the signal-to-noise ratio (Figure lb).

With our spectral analytical method, we monitored the concentration of

dissolved, uncomplexed HCr04" and Cr042. If Fe(III) was added to a Cr(VI)

solution at pH > 3, we measured less dissolved Cr(VI) than the total amount of

Cr(VI) initially present. Subsequent addition of a ligand (e.g., oxalate) that

dissolves polynuclear Fe(III) species yielded again the total amount of Cr(VI)

in solution. From this, we concluded that a part of Cr(VI) forms complexes

with polynuclear and colloidal Fe(III). The influence of Fe(III) on the Cr(VI)

speciation and analysis will be discussed in the section about the stoichiometry.

The analytical accuracy of the initial concentrations of HCr04 and

Cr042 was better than 2.5 % (relative standard deviation). Without Fe(III)

present, Cr(VI) can be measured in 5-cm cells down to concentrations of 1

uM. Increasing Fe(III) to Cr(VI) ratios and polynuclear and fine-colloidal

fractions of Fe(III) that, at pH > 3, remain in solution after filtration, lowered

the accuracy of the Cr(VI) determination. For that reason, we restricted the

kinetic analysis to between 20 and 3 uM Cr(VI).

Fe(II) was measured using a colorimetric method with ferrozine. The

absorbance of the Fe(II)-ferrozine complex was recorded at 562 nm according

to a modified instruction (complex formed at pH ~ 4) by Stookey (37).

2.3 Results and Discussion

Stoichiometry

Figure 2 shows that for the reduction of Cr(VI), three equivalents of Fe(II)

were necessary. This observation was expected in the absence of other potential

reductants. Espenson and King (28) as well as Eary and Rai (24) found the
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same stoichiometry in laboratory studies conducted at pH < 2 and at pH 2-10,

respectively. Products and proton balance, however, change with pH. Under

acidic conditions, the redox reaction consumes protons (eq 4). Increasing pH

leads to Fe(III) hydroxo complexes (eq 5, valid between pH 4 and pH 6) or

precipitation, yielding protons (e.g., eq 6). In an experiment without a pH

buffer ([Cr(VI)]0 = 20 uM, [Fe(II)]0 = 60 uM, initial pH 5.3) the proton

production was about 3-4 equiv/equiv Cr(VI) reduced.

3 Fe2+ + HCr04 + 7 H+ =3 Fe3+ + Cr3+ + 4 H20

3 Fe2+ + HCr04 + 3 H20 = 3 Fe(OH)2+ + CrOH2+

3 Fe2+ + HCrO; + 8 H20 = Fe3Cr(OH)12(s) + 5 H+

(4)

(5)

(6)

0 40 200 24080 120 160

Time [min]

Figure 2

Reduction experiments atpH 4.4 andpH 5.7 ([Cr(VI)]0 = 20 piM, [Fe(II)]0 = 60

]iM, buffered with acetate atpH 4.4 and MES atpH 5.7). Shown are [Fe(II)ll3,

[Cr(VI)l, and [Cr(VI)] fitted with second-order kinetics -d[Cr(VI)]/dt =

k0JCr(VI)][Fe(II)l, kobs = 1.57 M1sJ (pH4.4) and 24.1 M's1 (pH5.7).



16

In our Cr(VI) reduction experiments at pH > 4, we observed a reddish-brown,

extremely fine precipitate. The colloids had a spherical structure with a size of

about 0.1 urn (Figure 3). Several colloids formed loose aggregates and seemed

to be composed of even finer units. The product was X-ray amorphous, as X-

ray diffraction showed no pattern (data not shown). Stollenwerk and Grove

(38) hypothesized the coprecipitation of an iron(III)-chromium(III) hydroxide.

Eary and Rai (24) identified a brown solid with the empirical formula

Fe075Cr025(OH)3(s), based on measurements of the Fe:Cr ratio of the

precipitates formed at pH 3.91-11.06, and on solubility data from Sass and Rai

(39).

Figure 3

Transmission electron microscope image of the dried residue ofa Cr(VI)

reduction experiment ([Cr(VI)]0 = 40 yM, [Fe(H)]0 = 120 piM, acetate buffer,

pH ^5.5). The suspension was agedfor about 14 d.

As mentioned in the section on analytical methods, when Fe(III) is added to

Cr(VI) solutions at pH > 3, a fraction of Cr(VI) is associated with polynuclear

or colloidal Fe(III). However, according to Figure 2, Cr(VI) removal

progresses stoichiometrically with Fe(II) depletion. Apparently, the fraction of

adsorbed Cr(VI) is small under our conditions.
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pH Dependence of the Reaction Kinetics

Figure 4a-c shows Cr(VI) reduction experiments at pH values between 2 and

7.2. Under acidic conditions (Figure 4a), the reduction rate increases with

decreasing pH, as previously described (27-29). However, the reaction rate

again rises above pH 4 (Figure 4b,c). All reduction experiments between pH

4.4 and pH 7.2 exhibit overall second-order kinetics, according to the

following rate law:

-d[Cr(VI)]/dt = kobs(pH)-[Cr(VI)][Fe(II)] (7)

For our experimental conditions [Fe(II)] is equal to 3 [Cr(VI)], if we assume

negligible concentrations of Cr(V) and Cr(IV). Thereby the integration yields

[Cr(vi)],=
[Cr(V1)]°

(8)

l + 3kob![Cr(VI)]0t
W

The solid lines in Figure 4b,c represent least squares fits to the experimental

data set, obtained with eq 8. The pH-dependent rate coefficients (kobs(pH)) and

corresponding standard deviations (Table 1) were computed with the scientific

graphing software SigmaPlot (40). Errors in pH values stem from small pH

drifts during the reactions (finite capacities of buffers). The close fits and the

small relative standard deviations (1.2-5.6 %) provide strong support for the

rate law in eq 7. Kinetics of higher order in Cr(VI) or Fe(II) did not fit to our

data.



18

20 T

15

10

0

o. xx
OA

A

O A

>0 A

XX

X X x
X X

a

0

pH

2.0 o2.4 a 3.0

x3.5 o4.1

20 40 60

Time [min]

80 100

20

15

10 -1

5 -

0

0 50 100 150

Time [min]

200 250



19

2 -

0

pH

6.4

o 6.5

A 6.6

O 7.0

7.2

T--«.. [Fe(II)]
A

Â—T~

0 1 6 72 3 4 5

Time [min]

Figure 4

Cr(VI) reduction kinetics at various pH values:

a) pH 2.0 - 4.1 ([Cr(VI)]0 = 20 yM, [Fe(II)]0 = 60 yM, no buffer)

b) pH 4.4 - 6.0 ([Cr(VI)]0 = 20 jM, [Fe(II)]0 = 60 }iM, acetate or MES

buffer)

c) pH 6.4 - 7.2 ([Cr(VI)]0 = 10 uM, [Fe(H)]0 = 30 \M, PIPES buffer,

solutions sparged with N2). AtpH 6.6 [Fe(Il)l/3 is plotted.

Lines are fitted according to the rate law -d[Cr(VI)]ldt = kobs[Cr(VI)][Fe(II)].

Between pH 4.4 and pH 7.2, the pH dependence of kobs can empirically be

described by

kobs = a + b [OH] + c [OHf (9)

with
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a = 0.34 + 0.47 M"V

b = (3.29 ± 0.66)-109 MV

c = (4.82±1.53>1016M"V (10)

The coefficients a-c and the indicated errors (standard deviations) were

calculated from a nonlinear least square fit, considering the errors of kobs and

pH (Table 1), with Matlab (36). Figure 5 shows the pH dependence of the

measured and predicted kobs values (eq 9), which fit the experimental data

within their respective errors.

Table 1

Second-order rate coefficients kobs ofCr(VI) reductions between pH 4.4 andpH

7.2 fitted with rate law -d[Cr(VI)]/dt = kobs[Fe(II)][Cr(VI)l

pHa error (pH)
b

kobs [MV1] SD (kobs)/kobs [%]c

4.44 0.02 1.9 5.0

4.75 0.05 2.5 3.4

4.94 0.06 3.8 5.6

5.30 0.06 5.9 1.5

5.51 0.12 11.9 3.0

5.69 0.07 24.1 4.1

5.99 0.05 65 4.4

6.41 0.07 149 5.5

6.50 0.10 213 1.2

6.97 0.04 540 4.4

7.22 0.06 1713 1.8

a

MeanpH value during the experiment.b Difference between mean and initial

orfinalpH value.c Relative standard deviation.
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Figure 5

pH dependence ofkobs: circles indicate experimentally determined kobs [error

bars: 95 % confidence intervals (vertical) and absolute errors in pH

(horizontal), cf. Table 1], The solid line represents kobs values calculated with

eqs 9 or 14 [the dashed lines mark the 95 % confidence range]. The inserted

graph shows the pH dependence over the range 0-8: squares show initial

reduction rates with 20 \M Cr(VI) and 60 \iMFe(U); triangles show

calculated values from Espenson (27). The parabolic curve is the calculated

superposition ofEspenson's and the rate law ofeqll.

Analogous to the oxygenation of Fe(II) (41), it is plausible to explain the

observed pH dependence by a rate law with pH-independent constants:

d[Cr(VI)]/dt = (k, [Fe2+] + k2 [FeOH+] + k3 [Fe(OH)2°])[Cr(VI)] (11)

formulated in terms of fractions of the total Fe(II) concentration, a;

-d[Cr(VI)]/dt=(a^k, +aFe0H k2 +a 0k3)[Fe(II)][Cr(VI)] (12)
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[H+]2
a = —

*2+ [H+]2+[H+]-KFei+KFei.KFe2

[H+]-K
CL =

FeOH+ [H+]2 + [H+].KFCi-fKFei-KFe2

aFe(oH)2o [H+]2 + [H+]-KFe +KFe -KFe (13)
^Fej Fej Fe2

where KFe (10 ) is the first and KFe2 (10 ) is the second acidity constant

of Fe2+ (42) corrected for an ionic strength of 0.01 M by using the Davies

equation (43). Equation 12 is equivalent to eq 7, and we obtain

kobs(pH) = aFe21k, +aFe0H.k2 +aFe(OH)20k3
<14)

This expression for a number of kobs measured at different pH values can be

written as a set of equations in matrix form:

kobs=Ak (15)

Similar to the mathematical procedures for the Beer-Lambert equation at

different wavelengths (eq 2), the rate constants k can be calculated from the

known kobs and the known matrix A containing the pH-dependent ai-.

k=A1kobs (16)

where A"1 is the pseudoinverse of A. For this kinetic model, we found the

following rate constants:

ki = 0.34 ± 0.47 M"V

k2 = (1.41 ±0.28)-105MV

k3 = (2.84 ± 0.90)-109MV (17)
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where kj > 0 for chemical reasons. With the known standard deviations of the

kobs, the calculation also yielded the standard deviations of the k. In order to

consider the error of the pH values (entering into the matrix A), we repeated

the computation of k with kobs and pH values that were varied by adding

random noise with a standard deviation equal to the errors listed in Table 1

(Monte Carlo routine (35)). After n > 1000 calculations, the resulting, above

mentioned standard deviations of the k remained constant. The interpretation

of the rate coefficients with eq 14 agrees with the empirical eq 9 up to a pH of

about 8. The solid line in Figure 5 can therefore be computed with either

equation. In contrast to eq 9, eq 14 is also valid in principle at pH > 8.

What about the influence of Cr(VI) speciation? HCr04 and Cr042" might

have different reactivities. A rate law considering only the pH-dependent

Cr(VI) speciation, did not explain the observed rate coefficients. We attempted

to derive a rate law that considers both Cr(VI) and Fe(II) speciation. However,

the kinetic constants could not be discriminated because the corresponding

matrix A became singular (see Appendix). Other Cr(VI) species, such as

Fe(III)Cr04+ or adsorbed Cr(VI) on ferric (hydr)oxides, occur as minor

fractions and as such they can influence the kinetics only if they react

significantly faster than the major species. However, the observed trend of kobs

with pH is just opposite to the contribution of these fractions.

The insert of Figure 5 shows that the Cr(VI) reduction rate is minimal at

about pH 4 and increases with lower pH. Initial rates, calculated for pH < 2

from the rate law of Espenson (27), connect well to initial rates taken from

our measurements at pH 2-7.2. Around pH 4, two parallel reaction kinetics

overlap: the one of Espenson, dominating below pH 4, and our suggested

kinetics, dominating above pH 4.

In experiments by Eary and Rai (24), initial concentrations of 96 uM

Cr(VI) and 192 uM Fe(II) at pH 2-13 resulted in a complete (stoichiometric)

transformation within 1-2 min. Our kinetic model predicts that such a fast

reaction is only possible above pH 6.5. A possible interference in their

analytical method with DPC could be an explanation (cf. remarks in the
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introduction). Also, Eary and Rai maintained constant pH by continuous

injection of 1 M NaOH, leading to locally high pH conditions. Above pH 10,

these authors stated that more than the stoichiometric amount of three equiv of

Fe(II) per reduced Cr(VI) was consumed and proposed a competitive oxidation

of Fe(II) by dissolved oxygen.

The reduction experiments by Schroeder and Lee (16) (1.92 pM Cr(VI)

and 7-21 uM Fe(II) at pH 7.1-9.1) showed Cr(VI) reduction in less than 15

min. The authors measured only initial and final concentrations, but their data

are consistent with our rate law. An incomplete reduction of Cr(VI) at pH 7.5

and pH 9.1 was probably due to oxidation of Fe(II) by 02.

Our results disagree with the findings of Fendorf and Li (30), who

found a pH-independent empirical rate law: -d[Cr(VI)]/dt = k [Fe(II)]0'6

[Cr(VI)], where k = (56.3 ± 3.7) mmor°'6min 1L06 (micromolar concentrations,

pH 6.0-8.2). Our reservations are that their reaction solutions were

unbuffered, the pH was not monitored during the reaction, the formation of

Fe(OH)2+ and precipitates could have interfered with Cr(VI) recording at 370

nm (Figure la), and the condition for initial rate measurements was not

fulfilled (their Figure 1 shows only three measured data points before 66 % of

the reaction was completed).

Reaction Mechanism

Cr(VI) reduction by Fe(II) can be formulated in terms of three successive 1-

equiv electron transfer steps (44) (eqs 18-20). This simple reaction scheme

does not consider the speciation of the reactants and the proton balance, but it

is useful to discuss the rate-determining steps.

Cr(VI) + Fe(II) r^ Cr(V) + Fe(III)

Cr(V) + Fe(II) ^ Cr(IV) + Fe(III)
k45

Cr(IV) + Fe(II) ^ Cr(III) + Fe(III)
k34

(18)

(19)

(20)
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Since with the conversion of Cr(V) to Cr(IV) the ligand coordination expands

from tetrahedral in Cr(V) to octahedral in Cr(IV), many authors attribute this

step to be rate determining, e.g., (45, 46). Assuming a steady-state

concentration for Cr(V) and a slow, negligible reaction back from Cr(IV) to

Cr(V) (k45), the following rate expression is obtained (27):

d[Cr(VI)]
_

k65k54[Cr(VI)][Fe(II)?
dt k54[Fe(II)]+k56[Fe(III)]

^L)

In the rate law describing our experiments at pH 4.4-7.2, a term dependent on

[Fe(III)] was not necessary (eq 7). This agrees with eq 21 if

k54[Fe(II)] » k56[Fe(III)] (22)

leading to

-d[Crd(tVI)] = k65[Cr(VI)][Fe(II)] (23)

In this case k65 = kobs(pH), hence the reaction rate is controlled by the transfer

of the first electron from Cr(VI) to Cr(V). In the investigated pH and

concentration range, the dissolved Fe(III) concentration remains small as

compared to Fe(II) due to precipitation of amorphous iron(III) (hydr)oxides.

The dissolved Fe(III) concentrations in thermodynamic equilibrium with

amorphous Fe075Cr025(OH)3(s) are « 0.1 uM Fe(OH)2+ at pH 4.4 and 10"10 M at

pH 7.4 (data from (39)). According to Eary and Rai (24), precipitation occurs

within 1-10 min. Furthermore, the deprotonation of Fe(III) at higher pH

decreases the oxidation power of the Fe(III) species, i.e., the rate coefficient

k56 becomes smaller. With electron spin resonance, we were not able to detect

any Cr(V) intermediate (conditions: [Cr(VI)]0 = 100 uM, [Fe(II)]0 = 300 uM,

pH 3, in a silica flat cell at ambient temperature), and we did not observe any



26

spectral evidence for Cr(V). These arguments support the validity of condition

22.

Approximation 22 possibly might not apply in the case of low Fe(II)

concentrations (e.g., nM range) as compared to dissolved Fe(III). At pH < 2,

where Fe(III) remains in solution mainly as Fe3+ with a high reduction

potential of the redox couple Fe37Fe2+, we expect the rate law 21 to be more

accurate. Still, even at pH < 2, Espenson (27) found second order kinetics as in

eq 23, with k65 = a[H+] + b[H+]2 (conditions: [Cr(VI)]0 = (2.5-10) uM, [Fe(II)]0

= (64-7980) uM, no Fe(III) added). At millimolar Fe(III) concentrations

Espenson and King (28) and Rosseinsky and Nicol (29) described rate laws

similar to eq 21 with a higher order dependence on Fe(II). At low pH and

higher Cr(VI) concentrations, small amounts of Cr(VI) are speciated as

dichromate (Cr2072). An additional kinetic term, dependent upon [CrCVT)]2,

probably represents a parallel reduction of dichromate as postulated by

Westheimer, Espenson, and King (28, 45, 47). For a mechanistic interpretation

for Cr(VI) reduction under acidic conditions, we refer the reader to Espenson

(27).

In Figure 6, the kinetic constants (log k) are related to the electron

reduction potential EH° of the aquo and hydroxo Fe(III)/Fe(II) redox couples

involved. The graph points to a linear free enthalpy relation, analogous to the

Fe(II) oxidation by oxygen (48). The hydroxo ligands donate electron density

to Fe(II) through o- and 71-systems, resulting in a decrease of reduction

potentials.

Figure 6

Plot ofsecond order rate constants (cf. 17) vs electron reduction potentials EH°

of the different Fe(IIl)IFe(II) redox couples [EH° value of the aquo complex

was taken from Bard et al. (49), EH° values ofthe hydroxo complexes were

calculated using acidity constants from Smith and Martell (42)]. Error bars

indicate 95 % confidence intervals. The dashed negative error limitfor the

redox couple Fe3+IFe2+ extends in the logarithmic plot theoretically to -°o (with

k{ -> 0).
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We have to consider the effect of other oxygen donor ligands present in our

system. Our solutions contained 150 uM S042, with about 1 % of Fe(II) in the

form of FeS04°. The reduction potential of the redox couple FeSO47FeSO40 is

relatively high (0.67 V, calculated value correcting EH° of the aquo complex

(49) with the Fe-S04 complexation constants from (42), corrected for an ionic

strength of 0.01 M using the Davies equation (43)). An influence on our

reactions can therefore be neglected if the relation between log k and EH°

exists. In fact, 1150 pM S042 in an experiment conducted at pH 4.75 did not

accelerate the reaction rate (data not snown). Similar considerations apply to

acetate and HC03 as possible ligands. Finally, varying the PIPES buffer

concentration (0.5, 1, 2 mM, pH 6.5) did not affect the reduction rate (data not

shown).

Fe(II) coordinated with surface hydroxyl groups of amorphous iron(III)

(hydr)oxides, which are precipitating during the reaction, could lead to

enhanced Cr(VI) reduction rates. However, a marked autocatalytic effect due

to (hydr)oxide formation is not apparent in our data.

It appears that the high reducing power of hydroxo Fe(II) complexes

controls the kinetics of Cr(VI) reduction. A possible linear free enthalpy
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relation or Marcus relation (50) between the individual kinetic constants (log

k) and the reduction potential of the corresponding Fe(III)/Fe(II) redox

couples has to be confirmed with other ligands than OH". We have observed

that oxalate (31 ) and citrate strongly accelerate Cr(VI) reduction by Fe(II),

and we are studying a series of different ligands in order to test the

preliminary relationship in Figure 6.

Environmental Significance

Our investigations show that the reaction of micromolar Cr(VI) with Fe(II) is

surprisingly slow between pH 4 and pH 5, with half-life times on the order of

tens of minutes to hours. Nevertheless, Fe(II) is a potent reductant of Cr(VI).

The overall rate coefficients (kobs) for Fe(II) oxidation by Cr(VI) are larger

than those for 02 (48) (for [Cr(VI)] = [02] by a factor of about 3-104 at pH 4,

6-103 at pH 6, and MO3 at pH 8). Hence, the remediation of Cr(VI)-

contaminated, unsaturated waters by the addition of Fe(II) should be

successful down to micromolar concentrations. In sunlit surface and

atmospheric waters, H202 and other photoproduced species compete with

Cr(VI) as oxidants of Fe(II), and the marked pH dependence of these reactions

is important. In addition, Fe(II)-complexing ligands and mineral surfaces

strongly influence the rates of Fe(II) oxidation by Cr(VI) and other oxidants.

For this reason, further studies on speciation and reactivity of Fe(II) and

Cr(VI) are of great interest.
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2.5 Appendix

The rate of Cr(VI) reduction can be expressed by

-d[Cr(VI)]/dt = kobs(pH)-[Cr(VI)][Fe(II)]

= k\ [HCr04 ][Fe2+] + k'2 [HCr04 ] [FeOH+] + k'3 [HCr04 ] [Fe(OH)2°]

+ k'4 [Cr042][Fe2+] + k's [Cr042][FeOH+] + k'6 [Cr042][Fe(OH)2°]

kobs depends on the fractions a of the different Cr(VI) and Fe(II) species:

kobs - aHCr04- •°CFe2+ -k'l + aHCr04-
' aFeOH+ " k"

2
+ "hOO^

"

aFe(OH)2°
' ^

3

+ a
„

-a „,]$:'„+ a a
±

• k'
c
+ a a •k\

CrO,2- Fe2+ 4 CrO,2- FeOH+ 5 CrO.2"" Fe(OH)0° 6

This expression for a number of experimentally determined kobs at various pH

values (i) is conveniently written in matrix form:

K„u„
—

kobs

a

a

a

HCrO,
a

Fe2+i

a

HCrO

a

J4 i

a
0

4 j Fe(OH)2°.

a

a

a

CrO^-. Fe2+i

CrOA2". FeOH+i
4 l

a

CrO/-. Fe(OH)2u.

T
ai >

x

k',

k'.

k1

orkobs=Ak'

where the superscript T means the transpose. The transposed matrix, denoted

as A, has six columns and as many rows as the number of measured kobs values.

k' is obtained by

k' = A1 k
obs

The calculation of k' requires at least six different kobs values and is only

possible when the matrix A is non-singular. It can be shown that, with the set
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of a values above, the matrix A is singular. The reason for the singularity is

that two columns in A are proportional to two other columns:

with

N = [H+]2+[H+]-KFei+KFei-KFe2
+ n2

a
Fe

2+

[H+]

N

[H+]K
a

Fe,

FeOH+ N
a

Fe(OH)2ü

KFej KFe2
N

and with

M = [H+] + K
HCrO,

a
HCrO,

[H+]
M

K

a
HCrO,

CrO„ M

it is easily shown that

aHCrQ4-
' aFeOH+ K

aCr042-'aFe2+ KHCr04

Fe,
, HCr04 Fe(OH),,0

1—
and

2—

a
9

-a .

Cr042"
FeOH+

K
Fen

K
HCrO,

The singularity is removed if we do not distinguish between different Cr(VI)

species. In this case, the equation above reduces to

K„,
—

obs-

nT

a
Fc2+i

a
FeOH+

!

a
Fe(OH)9°

X

n, \

Vk3 7

orkobs=Ak

and leads to the treatment shown in the paper, which results in well-

determined, pH-independent rate constants krk3.
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Abstract

Iron(II) is one of the most important reductants that transforms toxic

chromium(VI) to essentially non-toxic chromium(III), but the effect of iron

speciation on this redox reaction is not well-understood. We determined rate

constants for Cr(VI) reduction by a series of Fe(II)-organic complexes, using

UV-VIS spectroscopy and kinetic fitting. The experiments with 1-20 uM Cr(VI),

1-60 uM Fe(II), and 5-1000 uM organic ligand at pH 4.0-5.5 can be described

with the following rate law: „

d[Cr(VI)]
= ^kL[Fe(n)L][Cr(VI)], where kL is pH-

dependent. Fe(III)-stabilizing ligands such as bi- and multidentate carboxylates

and phenolates generally accelerate the reaction, whereas Fe(II)-stabilizing ligands

such as phenanthroline essentially stop the reaction. The rate coefficients increase

with decreasing electron reduction potential of the Fe(III)L/Fe(II)L redox

couples. The relationship of log kL vs EH° (Fe(III)L) is quite linear over ten

orders of magnitude. Dissolved organic matter extracted from the organic
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horizon of a forested spodosol shows qualitatively the same behaviour as the

investigated carboxylates. The presence of organic ligands leads to soluble Cr(III)

and Fe(III) complexes. These results are important in DOC-rich soils and natural

waters with respect to Cr(VI) reduction rates, the mobility of the products, and

the reoxidation probability of newly reduced Cr(III), e.g., by naturally occurring

manganese oxides.

3.1 Introduction

The advantageous chemical and technical properties of chromium are reflected in

a wide range of industrial applications, e.g., in the stainless steel, galvanic,

refractory, leather, pigment, and chemical industry (1, 2). The worldwide annual

mining of chromite (FeCr204) has exceeded a level of 10 million tons (2), and as a

result of the extensive use, waste disposal and natural water contamination have

become important environmental problems (3, 4). The hexavalent chromâtes

HCr04" and Cr042 exhibit a high mobility in many soils and groundwaters, and

are of concern for the quality of drinking water. Cr(VI) is toxic to humans,

animals, plants, and microorganisms (1, 2, 5, 6). Trivalent chromium is much less

toxic and even essential in human and animal nutrition. Cr(III) tends to associate

with solid phases and is quite immobile in the environment.

For these reasons, Cr(VI) reduction processes are a major focus of the

environmental chemistry of chromium. Important reductants in natural systems

are organic compounds and divalent iron (7-9). Cr(VI) reduction in the presence

of natural organic material and Fe(II) has been observed by several research

groups. Studies have been conducted with different soils and natural waters, e.g.,

acidic subsoils (10), alkaline soils (11), wetland soils (12), alluvial river sands

(13), aquifer material (14-16), and water of a seasonally anoxic lake (17) and an

estuary (18). Fe(II) may also be an important reductant of Cr(VI) in aerosols and

atmospheric droplets (19).
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In many environmental compartments, organic compounds are quantitatively the

dominant reductants. However, laboratory studies have shown that they usually

react slowly with Cr(VI). At near neutral pH, the majority of compounds with

oxygen-containing functional groups reduce Cr(VI) with half-lives ranging from

months to many years (20). By contrast, Fe(II) is much more reactive than

organic material (21, 22), but, in oxic environments, its concentration usually

does not exceed the low micromolar range (23). Cr(VI) reductions that have been

observed in field studies are probably the result of the synergistic properties of

Fe(II) and organic compounds. Fe promotes the Cr(VI) reduction by natural

organic material by acting as a redox catalyst (a) in thermal, abiotic reactions (24,

25), (b) in anaerobic respiration by bacteria, fungi, and other organisms (26), and

(c) in photoinduced reactions (18, 25, 27). Conversely, organic compounds

influence Cr(VI) reduction by Fe(II) by enhanced (reductive) weathering of Fe-

bearing minerals (14, 25, 28) and by Fe(II) complexation (this paper).

The marked pH dependence of Cr(VI) reduction by Fe(II) has been

explained by the high reactivity of Fe(II)-hydroxo complexes (21, 22). Hydroxo

ligands stabilize Fe(III) and make Fe(II)(OH)x2x a much better reductant than

hexaquo Fe2+. We expect that other, Fe(III)-stabilizing ligands also accelerate the

Cr(VI) reduction by Fe(II). This study describes kinetic experiments performed

with various organic ligands (citrate, oxalate, salicylate, tartrate, nitrilotriacetate,

and 1,10-phenanthroline) and with a water extract of the organic horizon of a

spodosol. Low-molecular weight DOC, partly in the form of the first four

mentioned compounds, is released during the microbial decomposition of biomass

and as exudates from plant roots (29). Oxalate has been found in soil water at

concentrations as high as 25-1000 uM (30). Carboxylates and phenolates are

commonly occurring functional groups in higher-molecular weight organic

compounds such as fulvic and humic acids (29). Some of these compounds may be

present in waste disposal sites.
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The objective of the kinetic experiments was to measure rate constants for the

reaction of Cr(VI) with Fe(II)-organic complexes and to develop a linear free

energy or Marcus relation (31), similar to the one reported for Fe(II)

oxygenation (32), and to the trends observed for Fe(II) oxidation by Co(III) and

Ce(IV), respectively (33). We discuss the results of some previous studies on

Cr(VI) reduction by Fe(II) complexes (ligands: 2,2'-bipyridine, cyanide,

ferrocene, and 1,10-phenanthroline) that, however, were all conducted under

more acidic conditions at pH < 3 (34-36).

In principle, Fe(II) is a potent agent for the remediation of Cr(VI)-

contaminated sites and the treatment of industrial waste (4, 15, 37, 38). Important

for the evaluation of a remediation strategy is the knowledge of the Cr(III)

products, mainly regarding mobility and reoxidation probability, e.g., by

manganese(III,IV) (hydr)oxides (39-47). There is UV-VIS spectroscopic evidence

that soluble Cr(III) compounds are formed in the presence of organic ligands

(27).

3.2 Experimental Section

Chemicals

All chemicals were at least reagent grade and were used as supplied (from Merck:

K2Cr04, (NH4)2Fe(S04)2-6H20, FeCl3-6H20, acetic acid 100 %, sodium acetate,

ammonium acetate, potassium oxalate, salicylic acid, nitrilotriacetic acid,

diphenylcarbazide, H2S04 95-97 %, HCl 32 %, NH3 25 %, Titrisol HCl 0.1-1 M,

NaOH 0.1-1 M, from Fluka: KCl, citric acid, D(-)-tartaric acid, 1,10-

phenanthroline, ferrozine, NaOH 32 %). Solutions were prepared with 18 MQ

water (Q-H20 grade Barnstead Nanopure). The experiments were carried out in

HCl-cleaned glassware.
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Soil Extract

Soil samples were collected from the organic horizons Oe and Oa (intermediately

(hemic) and highly (sapric) decomposed organic matter) of a ferric-humic

spodosol in Guberwald/Eigenthal (Switzerland). The 10 cm thick horizons had a

pH(H20) of ~ 3.1 and an organic matter content of ~ 83 g/100 g (48). An extract

of organic matter was obtained from 20 g of field-moist soil using 50 ml of

Nanopure water for 2 hours. Afterward, the suspension was filtered using water-

cleaned cellulose nitrate filters (0.45 urn from Satorius). The resulting, yellow-

brown filtrate had a pH of 4.8. The DOC content was 53.6 ± 0.6 mg/1, measured

with a Shimadzu 5000 analysing system.

Experiments

The kinetic experiments were performed by rapid mixing (< 5 s) of equal

amounts of a pH-buffered Fe(II)-ligand solution with a Cr(VI) solution in a 5 cm

quartz cell. The UV-VIS absorbance of the Fe(III) products forming during the

reaction was directly recorded at a specific wavelength, as described below.

All solutions contained 0.01 M KCl for a defined ionic strength and 1 mM

acetate buffer to maintain a constant pH of 4.5-5.5. Solutions of pH 4.0 were

unbuffered. The initial pH was adjusted with HCl or NaOH. The pH drift during

the experiments was always less than 0.05 unit, indicating a sufficient buffer

capacity. A constant temperature of 23 ± 3 °C was maintained by circulating

thermoregulated water through a cooling jacket surrounding the

spectrophotometer cell holder. With citrate, we performed additional experiments

at 13 ± 1 and 31 ± 2 °C.

Fe(II)-ligand solutions were always freshly prepared by dilution of stock

solutions of 0.01-0.1 M ligand and 0.001-0.1 M Fe(II) with pH 1-3 (H2S04). The

Fe(II)-ligand solution (7.5 ml) was immediately transferred to a 5 cm optical cell.

The cell was placed into the spectrophotometer, and the recording of an

absorbance versus time curve was started (Uvikon 860/Kontron and Cary
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ÎE/Varian). A short time later, 7.5 ml of a Cr(VI) solution was added to the cell.

In the experiments with the soil extract, we added a small volume of Cr(VI) to the

buffered Fe(II)-soil extract solution. The solutions were stirred in the cell. At the

end of the reaction, we recorded a full absorption spectrum. Most experiments

were performed in duplicate.

Initial concentrations are listed in Table 1. In most solutions, the

concentrations did not satisfy the usual excess condition for the classical kinetic

analysis. The criteria for the selected reaction conditions were environmentally

relevant concentration ranges, the desired speciation of Fe(II), the measuring

range of the analytical method (UV-VIS), the duration of the experiments, and the

prevention of other, interfering redox reactions. Fe(II) oxygenation was always

small compared to oxidation by Cr(VI) except for NTA where oxygenation was

prevented by using Ar-sparged solutions. Control experiments without Fe(II)

showed no detectable reduction of Cr(VI) or Fe(III) by the organic acids on the

time scale of the experiments (10-60 min). All experiments were performed in

the dark, and the light intensity of the spectrophotometer was too small to cause

measurable photochemical Fe(III) reduction.

The monitoring wavelength was chosen so that the molar absorption

coefficients of the forming Fe(III) complexes were large, those of Cr(VI) small,

and those of all other species essentially zero (310 nm for citrate, oxalate,

tartrate, and the soil extract, 300 nm for NTA, and 500 nm for salicylate; full

spectra from 200 to 700 nm were recorded for 1,10-phenanthroline). Figure 1

illustrates the spectra of different Fe(III) complexes, HCr04, and Cr042. Typical

absorbance versus time curves are depicted in Figure 2.
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Table 1

Initial micromolar concentrations and pH conditions ofall experiments, T = 23 ±

3°C

Ligand Cr(VI) Fe(II) pH

Citrate

10 a, 15, 20, 25 3.3 10 5.0

5, 10, 20, 50 1 3 5.0

10 1 3, 5, 10, 15 5.0

10 1, 1.2, 1.5, 2,5 3 5.0

10 1 3 4.0, 4.5, 5.0, 5.5

Nitrilotriacetate

5, 10, 20 0.5 1.5 5.0

Oxalate

100 20 10,20 5.0

50, 100 10 20 5.0

100 5 10 5.0

50, 100, 200 2 5 5.0

100 10 20 4.0, 4.5, 5.0, 5.5

200 2 5 4.0, 4.5, 5.0, 5.5

1,10-Phenanthroline

1000 20 60 5.0

Salicylate

1000 3.3, 10, 20 10 5.0

1000 10 10 4.0, 4.5, 5.0, 5.5

Tartrate

100, 200, 500 10 30 5.0

200 10 30 4.0, 4.5, 5.0, 5.5

Soil extract

10.7, 21.4, 42.9
b

20 60
c

4.9

21.4
b

20 60
c

4.6, 4.9, 5.3

T= 13 ± 1,23 ±3, and 31 ±2 °C,
*

mgll DOC,
c all Fe(II) added
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Figure 1

UV-VIS absorption spectra of

a) 20 yM HCr04 atpH 2.5, 20 yM Cr042 at pH 11.5, 20 yM Fe(III) and 100

yM oxalate at pH 5.0, and 1.5 yM Fe(III) and 10 yM NTA at pH 5.0

b) 30 yM Fe(III) and 200 yM tartrate at different pH values and 10 yM Fe(III)

and 1000 yM salicylate at different pH values,

normalized to concentrations of 1 M (Cr or Fe) and path lengths of 1 cm. The

normalized absorbance of3 yM Fe(III) and 10 yM citrate at pH 5.0 is similar to

that of20 yM Fe(III) and 100 yM oxalate at pH 5.0.

Analytical Methods

Spectra recorded at the end of the experiments allowed the determination of

remaining HCr04, Cr042, and total Fe(III). These concentrations were extracted

by multicomponent fitting of the measured spectrum with the spectra of the

components (Figure 1) (21). As component spectra for Fe(III), we used spectra of

Fe(III)-ligand mixtures with similar concentrations and pHs as in our

experiments. We double-checked these measurements in a number of experiments

with colorimetric methods, using diphenylcarbazide (DPC) for Cr(VI) (49) and

ferrozine for Fe(II) (50). Different Cr(III) species could be separated and

determined semiquantitatively with capillary zone electrophoresis (57).

Kinetic Analysis

The kinetics of the pH dependence of the Cr(VI) reduction by Fe(II) in the

absence of complexing organic ligands have been described by a rate law that

considers different Fe(II) complexes (21, 22):

-d[Cr(VI)]/dt = (kJFe'1 + k2[FeOH+] + k3[Fe(OH)2°])[Cr(VI)] (1)
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analogous to Fe(II) oxidation by 02 and by H202, respectively (52, 53). We expect

that Fe(II)-complexing organic ligands influence the kinetics likewise, i.e., that

Cr(VI) reduction obeys a generalized rate law of the following form:

-d[Cr(VI)]/dt = SkL [Fe(II)L][Cr(VI)] (2)
L

To verify this rate law and to determine constants kL for the different ligands, we

defined a kinetic model with all pertinent dissociation, complex formation, and

redox reactions (Table 2, Tables I and II in the Supporting Information).

Chemical equilibria are treated as forward and backward reactions with

bimolecular rate constants of 1010 M"V1 for the acid-base reactions and

> 106 M"V for the complex formation reactions (54). The Cr(VI) to Cr(V)

electron transfer is taken to be the rate limiting step (21, 35, 55), whereas the

subsequent reductions to Cr(IV) and Cr(III) are fast. The overall Cr(VI)

reduction leads to soluble Cr(III) complexes (see Stoichiometry and Products). A

fast uptake of a ligand is simulated proceeding from Cr(IV) (reaction 20).

However, the ligand could be bound to Cr at another step in the reduction process

without affecting the outcome. Within the time scale of the experiments, the

ligand exchange of the Cr(III) complex formed is negligible (54).

As previously mentioned, we recorded the change in absorbance at a

Fe(III)-sensitive wavelength. The following equations show that the change is

proportional to the change in the total Fe(III) concentration:

dA d[Fe(III)L] djHfiO;2]
~dx

~l (t£pe^L dt
+
fEHiQo4« dt

} (3a)

dA d[Fe(III)] d[Fe(III)]
"df

~l (£ph dt £&(VV öT~/R) (3b)

dA~/fo £cr(vi)pH, d[Fe(III)]
_

d[Fe(III)]
dt ntFe(IIV R

;"
dt dt

K }
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Table 2

Kinetic model

Dissociation Reactions K [M or M1]

1 Fe2+ = FeOH+ + H+ 2.34-10°/1010 b

2 FeOH+ = Fe(OH)2° + H+ 7.24-10'2/1010 b

3 Fe3+ = FeOH2+ + H+ 3.89-107/ 1010 b

4 FeOH2+ = Fe(OH)2+ + H+ 2.29-106/1010 b

5 HXL = H^L + H+ Kac

Complex Formation Reactions K [M or M"1]

6 Fe2+ + L = Fe(II)L Ktd
7 Fe(II)L + L = Fe(II)L2 K2d
8 Fe(II)L2 + L = Fe(II)L3 K3d
9 Fe2+ + HL = Fe(II)HL K

d

10 Fe3+ + L = Fe(III)L Kld
11 Fe(III)L + L = Fe(III)L2 K2d
12 Fe(III)L2 + L = Fe(III)L3 K3d
13 Fe3+ + HL

Redox Reactions

= Fe(III)HL K
d

k [M"1«'1]
14 Fe(II)L + Cr(VI)

->

Fe(III)L + Cr(V) kL1?

15 Fe(II)L2 + Cr(VI)
—>

Fe(III)L2 + Cr(V) kL2?
16 Fe2+ + Cr(VI)

-> Fe3+ + Cr(V) 0.34

17 FeOH+ + Cr(VI)
-> FeOH2+ + Cr(V) 1.41-105

18 Fe(OH)2° + Cr(VI)
->

Fe(OH)2+ + Cr(V) 2.84-109

19 Fe(II)L + Cr(V)
->

Fe(III)L + Cr(IV) >108

20 Cr(IV) + L
->

Cr(IV)L >108

21 Fe(II)L + Cr(IV)L
->

Fe(III)L + Cr(III)L >108

a

For constants and references for reactions 1-13, see Tables I and II in the

Supporting Information, for reactions 16-18 (21), constants of reactions 19-21

are non rate-determining.

b
K is given as quotient of the kinetic constants for the forward reaction [s'!] and

backward reaction [M's1], respectively.
c

backward reaction with a k of 10!0 M^s'1

d

forward reaction with akof> 106 M^s1
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where A is the absorbance, t is the length of the optical cell, [Fe(III)] ~ [Fe(III)L]

+ [Fe(III)L2] + [FeOH2+] + [Fe(OH)2+], [Cr(VI)] = [HCrOJ + [Cr042], £sp is the

molar decadic absorption coefficient of the indicated species (subscript sp) at

constant pH, R means the stoichiometric ratio A[Fe(II)]/A[Cr(VI)], and Ae is a

^Cr(VI)
H

proportionality factor (eFe(in) r?")-

The molar absorption coefficient for Cr(VI) (eCr(Vi) ) was constant at a

given pH. Speciation calculations for Fe(III) with each ligand showed that £Fe(III)

also remained constant during the reaction. For salicylate, the ligand was always

in excess so that the fractions of the different Fe(III) species, mainly 1:1 and 1:2

complexes, did not change. For tartrate, the fractions of the Fe(III) species,

dihydroxo and 1:1 complexes, were constant during each experiment. For NTA,

most Fe(III) was speciated as FeNTA. For citrate, the main fraction was Fe

citrate. In some experments with low citrate concentrations, Fe(III) was partly

present as Fe(OH)2+ at the end of the reaction. In these cases, the last data points

were omitted in the kinetic analysis. For oxalate, Fe(III) was speciated as 1:2 and

1:3 complexes. The relative fractions were changing during the experiments;

however, the molar absorption coefficients of the two species do not differ

greatly at 310 nm (56).

Consequently, Ae in each experiment could be considered constant. Relative

to the origin of coordinates as defined in Figure 2a, the integration of eq 3c yields

AA = £ Ae [Fe(III)] (4)

The constants kL were obtained by fitting the absorbance versus time curves with

the kinetic model in Table 2. Acuchem (57), a numerical integration program,

was used to compute the time-dependent concentrations of all reactants. A Matlab

program (58) and two auxiliary Pascal programs inserted initial concentrations

(Table 1) and varied kL until the sum of squared residuals from the difference
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between model (AA = I Ae [Fe(III)]) and data was minimized for the entire set of

experiments for each ligand and pH (simplex routine (59)). The only two

adjustable parameters were kL and Ae (for oxalate, two kL's were used). For the

computation of errors, we refer to the Supporting Information.

3.3 Results and Discussion

Stoichiometry and Products

From the difference between initial and final Fe(II), Fe(III), and Cr(VI)

concentrations, we found overall stoichiometries R (A[Fe(II)]/A[Cr(VI)]) of ~ 3:1

(for citrate 2.94 ± 0.61 (std. dev. for n = 12 experiments), oxalate 2.96 ± 0.21 (n

= 13), salicylate 3.07 ± 0.30 (n = 2), NTA 3.65 ± 0.18 (n = 2), and the soil

extract 2.56 ±0.18 (n=3)). Tartrate showed a different behaviour, depending on

pH (R = 1.33 ± 0.04 at pH 4.0, 1.51 ± 0.03 at pH 4.5, 1.85 ± 0.06 at pH 5.0, and

2.07 ± 0.05 at pH 5.5 (n = 2-4)). With 1,10-phenanthroline, we did not observe

any reaction.

The multicomponent fits reproduced the experimental spectra to within the

signal-to-noise ratio and confirmed the formation of Fe(III)-organic complexes.

With capillary zone electrophoresis (51), we could separate different Cr(III)

complexes as products of our Cr(VI) reduction experiments: Cr(III) citrate,

Cr(III) oxalate, Cr(III) bisoxalate, Cr(III) salicylate, and Cr(III) bisalicylate. We

did not observe precipitation of colloids or particles. We can summarize the

redox processes as follows:

Cr(VI) + 3 Fe(II)Lw + x L = Cr(III)Ly + 3 Fe(III)Lz (5)

The measured stoichiometries of A[Fe(II)]/A[Cr(VI)] of ~ 3:1 (with the exception

of experiments with tartrate) were expected for the transfer of three electrons to

Cr(VI) by the reductant Fe(II) and are consistent with previous investigations on
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Cr(VI) reduction by Fe(II) complexes (34-36). In the tartrate experiments, Cr(V)

and Cr(IV) intermediates must have reacted partly with another reductant,

probably with tartrate itself. At lower pH, more of this second reductant was

consumed, consistent with the pH dependence of Cr(VI) reduction kinetics with

most organic compounds (20). It seems that tartrate is more easily oxidized than

the other organic compounds used in this study. As one-electron oxidation

potentials could not be found in the literature for all our carboxylic acids, we

draw a qualitative assessment by comparing rate coefficients of the oxidation of

some carboxylates by Cr(VI). Deng (20) has measured the following Cr(VI) half-

lives in solutions containing 10 uM Cr(VI) and 1 mM organic acid at pH 7:

tartrate 620 d, salicylate 1700 d, and oxalate > 4000 d. Citrate, an a-

hydroxycarboxylate like tartrate, does not possess an a-hydrogen atom in the

geminal position to the OH group that can be abstracted and is therefore expected

to be more slowly oxidized than tartrate (60).

Reduction Kinetics

As a representative set of measurements, Figure 2a-c shows absorption curves

with varying [Cr(VI)]0, [Fe(II)]0, and [citrate]0. All three reactants accelerate the

rate of Cr(VI) reduction as seen by the rate of Fe(III) production. The fits

(dashed curves) are calculated with the kinetic model of Table 2, with kL as the

only fitting parameter (reaction 14). The overall reaction becomes faster with

higher pH (Figure 2d) because the fraction of Fe(II) citrate increases. However,

the pH dependence of the Fe(II) citrate concentration cannot fully explain the pH

dependence of the reaction. The fitting procedure yields pH-dependent

coefficients kL(pH) (Table 3).



47

0.12

0.1 -

0.08

0>
o

c

X
u

O

Xi

<

0.06

0.04 -

0.02 -

0

-0.02

¥ d

Y j

[citrate]0 a

.jjj-jBätszs
25 pM

jk0t^fissa^^^^ 20uM

'^!\Z*^Jß^*^ 15 pM

^^\____——'^ 10 pM

a: addition of Fe(II) and ligand
b: addition of Cr(VI)

^AA c: absorption by [Cr(VI)]0
d: start of the reaction and

origin of coordinates for

the kinetic analysis

i i i i i

a

0 4 6 8

Time [min]

10 12 14

0)

=

-a
s-

o

X

<

0.04

0.03

0.02

0.01

0.00

[Cr(VI)]„ b

1.

5pM liii'kr^- 2uM

5E*5*"'" i.5 um

-pp^—>-- 1.2 pM

.7 k/"
it Jr jfXO^^'lpM

\ M' r M

\ glJff

Wf

i i 1

0 10 15

Time [min]

20 25



48

0.04

0.03

u

a

f 0.02
o

X

<

0.01

0.00

[Fe(II)]0 c

1—

1

..>,fAr' 15 pM

rfT1**1^^ _^*-.-*
*"

5pM

_^*'
3uM

IV V -d^
i In if ^r

ft / JF

t. i 1 1._. i

0 10 15

Time [min]

20 25

0.04

0.03 \-

a
a

-£ 0.02
©

X

<

0.01 I-

0.00

0 10 20 30 40 50 60 70 80

Time [min]



49

Figure 2

Absorption curves of Cr(VI) reduction experiments recorded at 310 nm in a 5 cm

cell:

a) Citrate variation ([Cr(VI)]0 = 3.3 yM, [Fe(II)]0 = 10 yM, [citrate]0 = 10-25

yM, pH 5.0)

b) Cr(VI) variation ([Cr(VI)]0 = 1-5 yM, [Fe(II)]0 = 3 yM, [citrate]0 = 10 yM,

pH5.0)

c) Fe(II) variation ([Cr(VI)]0 = 1 yM, [Fe(II)]0 = 3-15 yM, [citrate]0 = 10 yM,

pH5.0)

d) pH variation ([Cr(VI)]0 = 1 yM, [Fe(II)]0 = 3 yM, [citrate]0 = 10 yM, pH 4.0-

5.5).

The dashed lines indicate simultaneous fits using the kinetic model of Table 2 with

the pH-dependent coefficient kL (Table 3).

With the other carboxylic acids, we observed similar kinetics and obtained pH-

dependent coefficients as with citrate (Table 3). To fit the experiments with

oxalate, we had to include a second coefficient for the reaction of Fe(II)-

bisoxalate with Cr(VI) (reaction 15). Our kinetic model yielded a good agreement

of fit and experimental absorption curve for all investigated reaction conditions.

In contrast to the carboxylic acids, the Fe(II)-complexing ligand 1,10-

phenanthroline (mainly a 1:3 complex) essentially stopped the reaction. At pH 5,

the absorption spectrum did not change within 15 weeks. A similar effect was

found by Anderson et al. (14) in batch experiments with material from a mildly

reducing sand and gravel aquifer, where the addition of phenanthroline or

bipyridine stopped the reduction of Cr(VI).
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In the kinetic model of Table 2, we postulate three subsequent reduction steps

(reactions 14, 15, 19, and 21) with a rate-limiting electron transfer from Cr(VI)

to Cr(V). This is consistent with recent studies of the pH dependence of Cr(VI)

reduction by Fe(II) (21, 22) and earlier kinetic studies with the ligands 2,2'-

bipyridine, cyanide, ferrocene, and 1,10-phenanthroline at pH < 3 (34-36). The

reported rate laws are first-order in HCr04" and Fe(II)Lx, with pH-dependent,

second-order rate coefficients. There was no influence by the oxidation product,

Fe(III).

The influence of temperature was investigated with citrate. We observed a

slight temperature dependence with a rate coefficient at 31 °C about twice that at

13 °C, similar to the kinetics with free and hydroxo Fe(II), respectively (22).

Experiments with the soil extract yielded results similar to those with the

carboxylic acids. The soil extract alone did not lead to a measurable reduction of

Cr(VI) within 30 min (20 pM Cr(VI), 43 mg/1 DOC, pH 5). When Fe(II) was

added (60 pM), we observed a fast reaction. Increasing DOC concentrations as

well as higher pH values accelerated the redox process (Figure 3). We attribute

this to the complexation of Fe(II) with oxygen ligands that make it a better

reductant. 1 mg/1 DOC from the organic horizon of this spodosol has about the

same reactivity as 1 mg/1 tartrate. DOC is a complex mixture of compounds, and

the observed rate is the sum of the different reactivities of a whole series of Fe(II)

complexes.
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Figure 3

Absorption curves of Cr(VI) reduction experiments recorded at 310 nm

([Cr(VI)]0 = 20 yM, [Fe(II)]0 = 60 yM, [DOC ofsoil extract]0
= 10.7-42.9 mgll,

pH 4.6-5.3). Inset: observed constants obtainedfrom the rate law -d[Cr(VI)]Idt =

kobs[Cr(VI)[[Fe(II)[, assuming a 3:1 stoichiometry.

Linear Free Energy Relation

As mentioned in the Introduction, we expected a relation between log kL and the

free molar energy of the first electron transfer (AG0 = - F {EH° (Cr(VI)) - EH°

(Fe(III)L)}). One-electron reduction potentials EH° of Fe(III)/Fe(II) redox

couples are listed in Table III of the Supporting Information. Unfortunately, the

pH-dependent one-electron reduction potential of Cr(VI) is not known, but is

constant at a given pH. In Figure 4, the values of log kL at pH 5 are plotted versus

EH° (Fe(III)L). The correlation is quite linear over several orders of magnitude

(r2 = 0.98).
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Figure 4

Second-order rate coefficients kL atpH 5.0 as a function ofthe reduction potential

EH° [volts] of the corresponding Fe(III) complexes. Rate law of -d[Cr(VI)]ldt =

kL[Fe(II)L][Cr(VI)[.

Birk (35) applied Marcus theory to kinetic data of Cr(VI) reduction by cyano-

and 2,2'-bipyridine-Fe(II) complexes at pH < 3. The rate coefficients at constant

pH correlated with the Fe(III) reduction potential (reactivity: Fe(II)CN64" >

Fe(II)bipCN42" > Fe(II)bip2CN2°). Wehrli (32) reported a linear free energy

relationship (LFER) for the oxygenation of aquo-, hydroxo-, and adsorbed Fe(II).

Elovitz and Fish (61), who studied the kinetics of Cr(VI) reduction by substituted

phenols, also found a linear correlation of the second-order rate constants with

the half-wave potentials of the phenols.

Figure 4 allows a rough estimate of the rate coefficient for the reaction of a

given Fe(II) complex with Cr(VI), provided that EH° (Fe(III)L) is known or can

be calculated from Fe(II) and Fe(III) complex formation constants. Fe(II)
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complexes with Fe(III)-stabilizing ligands such as bi- and multidentate

carboxylates or phenolates have low EH° (Fe(III)L) values and are very reactive.

On the other hand, they often make up only a small fraction of Fe(II) speciation.

The product of rate coefficient times concentration is the key factor that

determines the importance of an Fe(II) species in the rate law for Cr(VI)

reduction. For example, in an experiment with 5 pM Fe(II) and 200 pM oxalate

at pH 5, about 33 % of Cr(VI) is reduced by Fe(II) monooxalate and 67 % by

Fe(II) bisoxalate, while with 1.5 pM Fe(II) and 20 pM NTA at pH 5, 99.9 % of

the reaction proceeds from Fe(II)NTA and only 0.06 % from Fe(II)NTA2

(calculations with an estimated kL(Fe(II)NTA2) of * 1.4-107 M~V). Such

considerations explain why in the case of oxalate we had to include a reaction with

Fe(II) bisoxalate, and why with the other ligands, higher than 1:1 complexes

could be omitted in the kinetic analysis. In any case, kL cannot exceed the value

for a diffusion-controlled bimolecular reaction of ~ 1010 M"V\

pH Dependence and Reaction Mechanism

The pH dependence of the rate coefficients kL is depicted in Figure 5. The kL's of

all Fe(II) carboxylates show a marked, positive dependence on [H+]. This result

can be compared to the rate laws that have been found for most investigated

Cr(VI) reductants (20). Apparently, reaction 14 (and 15) in Table 2 is not an

elementary reaction. We suggest a sequence of (elementary) steps:

k

Cr(VI) + Fe(II)L ;—E—> Cr(VI)Fe(II)L
k-P

k

Cr(VI) - Fe(II)L ;
^

Cr(V)' Fe(III)L

kH
Cr(V)' Fe(III)L + H+ ^ZZZl Cr(V)Fe(III)L

k
-H

(6)

(7)

(8)
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Cr(V)Fe(III)L
k

s
) Cr(V) + Fe(III)L

(9)

Cr(VI) and Fe(II)L form an encounter complex which can either dissociate or

undergo an electron transfer with formation of a successor complex. The back

electron transfer might compete with the dissociation of the successor complex

which occurs after addition of a proton that stabilizes the Cr(V) product.

With steady-state assumptions for [Cr(VI)Fe(II)L], [Cr(V)'Fe(III)L], and

[Cr(V)Fe(III)L], it is possible to establish a relation between the pH-dependent

coefficients kL and the above scheme:

è=*+èi (10)

where a and b are pH-independent terms. The proposed mechanism is consistent

with the observed pH dependence (Figure 5).

Our results cannot differentiate between inner-sphere and outer-sphere

electron transfer. There are arguments in support of outer-sphere (62). The

observed rates are partly faster than the ligand exchange on Fe(II). The latter is

close to the H20 exchange rate of « 3-106 s"1 (54) because it is likely to be a

dissociative interchange mechanism (63). There is a good overlap for the

formation of an encounter complex between the occupied t2g orbital of Fe(II) and

the vacant e orbital of Cr(VI) along the edges of the octaeder and the tetraeder,

respectively.

Thus far, we did not consider Cr(VI) speciation in the rate law. The

dominant Cr(VI) fraction in our experiments was always HCr04" (>88 %). The

observed pH dependence could therefore not be explained in terms of changing

Cr(VI) speciation.
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Figure 5

pH dependence of the second-order rate coefficients kL. Rate law of-d[Cr(VI)]ldt

= kL(pH)[Fe(II)L[[Cr(VI)].

Environmental Significance

This study provides a quantitative understanding of Cr(VI) reduction by Fe(II) in

DOC-rich environments. While it has been recognized that micromolar Cr(VI)

and Fe(II) react within minutes to hours to mainly insoluble products above pH 3,

it is shown here that the presence of carboxylates and phenolates can lead to

greatly accelerated reaction rates and to formation of complexed soluble Cr(III).

In light of the different mobilities and stabilities of Cr(III) products, kinetic rate

constants that allow an estimation of the partitioning into different products are

highly relevant.

In Cr(VI)-contaminated environments, all available Fe(II) will readily be

consumed, but may not be sufficient to remove all Cr(VI). Continued natural

release of Fe(II) is often connected to the presence of organic matter (see the

Introduction). Thus, slow formation of soluble Cr(III) complexes can be expected
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to occur in DOC-rich systems when Cr(VI) is reduced by forming Fe(II)

complexes. Except at low pH, natural organic material reduces Cr(VI) at a slow

rate. The fate of Cr(VI) is then mainly affected by hydrogeology and sorption and

by slow release of Fe(II).

In remediation procedures of Cr(VI)-contaminated, DOC-rich

environments that envision addition of Fe(II), or in situations where DOC-rich

water flows through "reactive barriers", the formation of mobile Cr(III)

complexes might be possible. An intentional formation of soluble Cr(III) by

addition of an organic ligand could be advantageous for avoiding precipitation of

Cr(III) and Fe(III) hydroxides, which could lead to a limited accessibility of

either the Cr(VI) (inclusion in pores) or the reduced iron (surface passivation of

iron filings) (64).

Cr(III) complexes can remain soluble in soils for quite a long time (42) and

could be transported to regions with manganese concretions, whereas solid

precipitates are essentially immobile in soils and aquifers. However, in more

mixed compartments such as surface waters, particulate Cr(III) and Mn(III/IV)

might also come into contact.

According to most previous laboratory studies, Cr(III) oxidation by

manganese oxides proceeds more slowly in the presence of low-molecular weight

organic compounds. Johnson and Xyla (44) found a clear decrease in the Cr(III)

oxidation rate when salicylic acid was added to a manganite (y-MnOOH)

suspension. Nakayama et al. (45) did not observe any Cr(III) oxidation in

seawater containing citric acid and an excess of manganite, while in the absence of

citric acid, y-MnOOH oxidized Cr(III). In suspensions of a manganese-rich Aquic

Udorthent soil, James and Bartlett reported oxidation rates decreasing in the

following order: freshly precipitated Cr(OH)3 > Cr citrate > aged Cr(OH)3 in

citrate > aged Cr(OH)3 (43).

Most field studies show an enhanced Cr(VI) reduction with lower pH (14,

43). This does not contradict to our results (Figures 2d and 3), which show
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increasing rates with pH at a given total Fe(II) concentration due to higher

fractions of Fe(II) in the form of organic complexes. Under natural conditions,

the total Fe(II) concentration is generally higher at lower pH which leads,

possibly together with a higher reactivity of organic material, to an overall more

efficient Cr(VI) reduction at lower pH. The release of Fe(II) by (reductive)

dissolution of Fc-bearing minerals is catalyzed by protons and organic compounds

(14, 25, 28, 65). Low pH is often correlated with a high content of organic

material because of the inhibited microbiological decomposition activity.

Any attempt at modeling Cr(VI) reduction in environmental systems is

challenging and requires an understanding of reaction pathways and of relevant

rate constants. The LFE relationship (Figure 4) might be useful in estimating the

kinetics of Cr(VI) reduction processes by Fe(II) in homogeneous systems such as

atmospheric or surface waters and in the treatment of Cr(VI)-containing

wastewater. The relative reactivities of different Fe(II) species are probably also

transferable to the reduction of other contaminants such as halogenated

hydrocarbons or nitrobenzenes.

Solid phases such as clay minerals or metal oxides will have a strong

influence on Cr(VI) reduction by Fe(II). The speculations differ about the relative

reactivity of dissolved, adsorbed, and structural Fe(II) (12-14, 65-67) and of

dissolved or adsorbed Cr(VI) (68-70). Further studies on the factors affecting

Cr(VI) reduction and product distribution are important in understanding the

transport and long-term behaviour of Cr in the environment.
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3.5 Supporting Information

Thermodynamic Data

Table I

pKa values (71), corrected with the Davies equation (72) to I = 0.01 M, T = 25 °C

Acid pK, pK2 pK3

Chromic acid 0.70 6.36*

Fe2+ 9.63 11.14

Fe3+ 2.41 3.64

Acetic acid 4.71

Citric acid 3.08 4.63 6.18

Nitrilotriacetic acid 1.61 2.81 10.11

Oxalic acid 1.21 4.13

1,10-Phenanthroline (H2Phen2+) 1.32 4.90

Salicylic acid 2.93 13.61

D(-)-Tartaric acid 2.99 4.23

value from (73)

Table II

Stability constants ofFe-ligand complexes (71), corrected with the Davies

equation (72) to I = 0.01 M,T = 25 °C

log|
[FeL]

Fe][L]
log

[FeL>]
10g[Fe][L]2 log

[FeL3]
108[Fe][L]3

log
[FeHLJ

*[Fe][HL]

Ligand
Acetate

Fe11

1.22

Fem

3.75
a

Fe11 Fem

7.11
a

Fe11 Fe111

9.03
a

Fe11 Fem

Chromate 7.18
b

Citrate 5.53 12.30 3.39 7.43

NTA 9.06
a

17.00 14.24a 25.40 a

2.54a

Oxalate 3.50 8.59 5.60 15.05 19.55

Phenanthroline 5.85 6.50 a

11.15 11.40a 21.00 13.80

Salicylate
Tartrate

7.14a

2.73
a

16.91

7.22
a

11.79
a

29.10 4.77

a

T = 20 °C,b value from (74)



60

Table III

Standard reduction potentials ofvarious iron species. The value for Fe3+ is from

ref(75). The other potentials are calculated using stability constants (Tables I and

II) correctedfor an ionic strength of0.01 M with the Davies equation (72).

Complex EH° [V] Complex EH° [V] Complex EH° [V]

Fe3+ 0.77 FeNTA 0.30 FeOxalate 0.47

FeOH2+ 0.34 FeNTA2 0.11 FeOxalate2 0.21

Fe(OH)2+ -0.10 FePhen 0.73 FeSalkylate 0.19

FeCitrate 0.37 FePhen2 0.76 FeSalicylate2 -0.25

FeHCitrate 0.53 FePhen3 1.19 FeTartrate 0.51

Error Computation of kL

The errors 8k for the non-linear fitting parameters kL can be estimated from

least square fitting according to the relation (76):

%2(kL + 8kL) = %2(kL) + l

%2(kL) is the error weighted sum of squared residuals (Ssr):

i=i oy

where A'; are the data points, oi their standard deviations, and fj(kL) is the fitting

function. The number of data points N consist of np data points per absorption

curve (np « 500-1800) times the number of curves nc per ligand and pH (nc = 2-

28). We assume that all o{ are roughly the same average o~a :
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X2(kj = -^i[AV-f,(kL)F = ^|k)
°a i=1 °a

Thus, for an estimation of e,
,
we can write:

KL

Ssr(kL+ekL) = Ssr(kL) + aa2

This means that if we plot Ssr as a function of varying kL around its optimized

value (which yields a parabola), we can read the ek at height of oa2 above the

minimum at Ssr(kL). The absorption curves were normalized to a maximum of 1

to give each curve the same weight (in average, A' ~ 10-A). A had a noise of

about 0.002 absorbance units, and hence A' a noise of o~a ~ 10 • 0.002 = 0.02. This

gives a aa2 of -4-104.

Another way to estimate Ga2 is to assume that the fits are good to within

signal-to-noise. This is the same as saying that Ssr = N oa2. For our data, both

estimates for oa agreed to within a factor of 2. We can now write:

Ssr(kL+£kL) = Ssr(kL) +^p

However, the N data points are not independent. In a cautious approach, we

consider only the number of curves as independent, with which we estimate

Ssrtk )

errors e.
'
at a height of —^-^ above the minimum at Ssr(kL):

L n

Ssr(kL + ek ') = Ssr(kJ +^&)
nc
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This is illustrated in the figure below. The fits were well constrained and Ssr

exhibited a clear minimum. In the case of oxalate, where we have two kL's, the

errors are naturally much larger than for all other ligands.

The parameter Ae, which was optimized for each curve, varied between

84.3-111.2 % of the calculated value from the reference spectra. These deviations

reflect experimental errors (e.g. initial concentrations) and inaccuracies in

determining the starting point of the reaction for the kinetic analysis (Figure 2a of

the printed text). Therefore we also made error estimates by adding 10% standard

deviations to the initial concentrations, fitting of these altered data sets, and

looking at the resulting variations in the fitting parameters kL (Monte Carlo

approach (59)). The errors estimated with this method were within the errors

determined from the Ssr parabolas.

Figure

Sum ofsquared residuals (Ssr) as a function of

a) kLfor the experiments with citrate atpH 5.5. Rate law: -d[Cr(VI)]ldt =

kL[Fe(II)Cit][Cr(VI)].

b) ku and kL2for the experiments with oxalate atpH 5.0. Rate law: -

d[Cr(VI)]ldt = (ku[Fe(II)Ox]+kL2[Fe(II)Ox2])[Cr(VI)]. The plot shows

contour lines at Ssr = (1.01,1.02,1.03, 1.05,1.1,1.2,1.3,1.5, 2, 3, 5,

10)-Ssr(kL1, kL2).
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4

Analysis of Cr(III) Carboxylates with

Capillary Electrophoresis

Abstract

Several substitution-inert complexes of Cr(III) with the ligands citrate,

nitrilotriacetate, oxalate, salicylate, and tartrate could be separated and identified

with capillary electrophoresis. The analytical method, using positive polarity

power supply, acetate electrolyte, and DAD at 200 nm, allowed the simultaneous

determination of cationic, neutral, and anionic Cr(III) species, with detection

limits in the low micromolar range. 1:1 (and 1:2) Cr(III) complexes were formed

by reacting Cr(III) and ligands at pM concentrations. Cr(III) carboxylates were

also identified as reaction products of the reduction of Cr(VI) by Fe(II)

carboxylates. This redox process occurs in many natural waters and is of high

environmental relevance since Cr(VI) is toxic to most organisms while Cr(III) is

an essential trace element. Because of slow ligand exchange, Cr(III) complexes

are expected to be quite stable in the environment. However, they are potentially

subject to unwanted reoxidation by manganese oxides due to their high mobility.
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4.1 Introduction

The transformation of Cr(VI) to Cr(III) is accompanied by a considerable

decrease in toxicity. Whereas Cr(VI) compounds are potentially carcinogenic,

Cr(III) is essential in the glucose metabolism (1, 2). Iron(II) and dissolved

organic compounds are important reductants in natural waters (3). In particular,

it has been demonstrated that Cr(VI) is quickly reduced by a number of Fe(II)

carboxylates which seem to be much more efficient than free Fe2+ or the

corresponding organic ligands (4). The knowledge of the Cr(III) species which

are formed in these reactions is of environmental interest since the transport of

Cr(III) and its possible and unwanted reoxidation by manganese oxides (5)

strongly depend on the Cr(III) speciation. The reduction of Cr(VI) by Fe(II) in

the absence of organic compounds leads to solid, mixed Fe(III)0 75Cr(III)0 25(OH)3

precipitates (6, 7), while with chelating organic ligands present, dissolved organic

Cr(III) complexes are formed.

Capillary electrophoresis (CE) is one of the few analytical methods which

allows one to measure metal complexes. In many CE applications, different metal

ions are separated and analyzed as metal complexes which have been formed by

addition of an appropriate ligand (8, 9). Precapillary complexation can be used

for metals which form sufficiently stable complexes. Other metals require the

presence of the complexing ligand in the carrier electrolyte.

There are only a few papers which describe a direct analysis of distinct

species of one metal. CE has been used for the separation and identification of Co

(amino) carboxylates (10, 11) and for the analysis of metal complexes with

diethylene triamine pentaacetic acid (12). Depending on the working conditions,

CE enables the simultaneous determination of cationic, anionic, and, to a limited

extent, neutral compounds (13). CE is especially suited for speciation

measurements of substitution-inert metal complexes and should therefore be a

powerful method for the analysis of Cr(III) complexes.
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The objectives of this study were, first, the development of a CE method for the

separation of Cr(III) complexes with the carboxylate ligands citrate,

nitrilotriacetate, oxalate, salicylate, and tartrate and second, the identification of

products of the reduction of Cr(VI) by Fe(II) complexes with these ligands.

4.2 Experimental Section

Chemicals

All chemicals were at least reagent grade and were used as supplied (from Merck:

K2Cr04, (NH4)2Fe(S04)2-6H20, FeCl3-6H20, KOH, acetic acid 100 %, sodium

acetate, potassium oxalate, salicylic acid, nitrilotriacetic acid, H2S04 95-97 %, HCl

32 %, Titrisol HCl 0.1-1 M, NaOH 0.1-1 M, from Fluka: CrCl3-6H20, KCl, citric

acid, D(-)-tartaric acid, sodium glyoxylate monohydrate, glyoxal 40 %, NaOH 32

%). Solutions were prepared with 18 MQ water (Q-H20 grade Barnstead

Nanopure). The experiments were carried out in HCl-cleaned glassware.

Analytical Method

The solutions were analyzed with a HP 3DCE Capillary Electrophoresis instrument

from Hewlett Packard using bare fused silica capillaries (50 pm i.d., 40 cm length

to detector, 48.5 cm total length, extended light path with bubble factor 3, 25 °C).

The carrier electrolyte was a 50 mM acetate buffer of pH 5.0. A positive polarity

power supply of 30 kV resulted in a run current of about 40 pA. The CE was

equipped with a diode array detector (DAD) which allowed direct UV-

photometric detection at 200 nm. Samples were injected in hydrodynamic mode at

50 mbar for 15 seconds. Analysis times were up to 30 minutes to check for

species with high migration times. Between the runs, the capillary was washed

with 0.1 M KOH and nanopure water to eliminate residual contaminants.
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Preparation and Identification of Cr(III) Complexes

Cr(III) carboxylates were formed by reacting 50-100 pM Cr(III) and 100-2000

pM ligand in 0.01 M KCl and 1 mM acetate buffer of pH 5.0. Because of the slow

ligand exchange of Cr(III), the solutions were prepared up to 7 days prior to

analysis. The different Cr(III) species were identified by comparing the

electrophoretic mobilities with that of a reference compound, a synthesized cis-

Cr(III) (oxalate)2", and by following the slow complex formation over time. Cis-

Cr(III) (oxalate)2" was synthesized according to a method described by Kauffman

and Faoro (14). The yield of the synthesis was 87.5 % as determined from the

photometric absorbance at 562 nm of a solution at pH 3 (14). The Cr(III)

carboxylate solutions were used as spike solutions for the reduction experiments.

Reduction Experiments and Identification of Cr(III) Products

The Cr(VI) reduction experiments were performed by addition of a small volume

of acidic Fe(II) solution to a pH-buffered, N2-sparged Cr(VI)-ligand solution,

followed by analysis with capillary electrophoresis.

Solutions were prepared in a 250 ml air-tight sealable three-neck flask and

contained 0.01 M KCl (inert electrolyte), 1 mM acetate buffer pH 5.0 (the initial

pH was adjusted with HCl or NaOH), 3-200 pM Cr(VI), and 25-2000 pM ligand.

02 was stripped out by continuous sparging with N2 for at least 30 minutes.

Freshly prepared, acidic Fe(II) solution with pH 1 -2 was injected to a final

concentration of 10-600 pM with a syringe through a tap. The solutions were

stirred with a magnetic teflon bar, in the dark at 23 ± 3 °C. After a reaction time

of at least 10 minutes, the flask was opened and an aliquot was taken for CE

analysis. For the identification of the Cr(III) products, solutions from the

reduction experiments were mixed with corresponding spike solutions in a

volumetric ratio of 1:1 and measured by CE.
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4.3 Results and Discussion

Separation and Identification of Cr(III) Carboxylates by CE

Figure 1 depicts a typical electropherogram of a Cr(III) oxalate solution with

peaks before and after the negative signal of the neutral compounds, indicating a

cationic and an anionic species, respectively. A solution with only oxalate (500

pM) did not yield a signal within the time of analysis and Cr(III) solutions showed

weak peaks, but at an earlier migration time. Hence, the two signals must be due

to Cr(III) oxalate complexes.
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Figure 1

CE electropherogram of a solution with 200 ]iM Cr(III) and 2 mM oxalate,

equilibratedfor 11 hours at pH 5.0. Inset: Kinetics offormation ofCr(III)

oxalate^ (open circles) and Cr(III) (oxalate)2 (filled squares) (200 piM Cr(III), 2

mM oxalate, pH 5.0).
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The inset of Figure 1 shows the development of the peak areas over time. The

initially increasing and later decreasing, cationic signal can be assigned to the

species Cr(III) oxalate+ and the anionic peak to Cr(III) (oxalate)2\ The 1:2

complex could be verified by spiking with a solution of synthesized cis-Cr(III)

(oxalate)2". Both signals showed a peak splitting, probably due to a partial

dissociation of the complexes during the CE run (9).

As was the case with oxalate, solutions of the free ligands citrate, NTA,

salicylate, and tartrate (500 pM, pH 5.0) did not yield detectable signals, whereas

the corresponding Cr(III) complexes could be observed. Table 1 summarizes the

electrophoretic mobilities and detection limits of the different complexes.

Salicylate formed a cationic and an anionic complex, most probably the 1:1

and the 1:2 complex. The absolute value of the electrophoretic mobility of the

anionic complex (|pEP| = 1.9) was smaller than that of Cr(III) (oxalate)2" (|pEP| =

2.6) which would be reasonable for the larger Cr(III) (salicylate)2" complex.

The electropherograms with tartrate showed only an anionic species with a

similar electrophoretic mobility as Cr(III) (salicylate)2", which was interpreted as

Cr(III) (tartrate)2.

The signal of an anionic species of the solutions with citrate probably

resulted from a 1:1 complex rather than from a 1:2 complex, which would be

expected to have a much larger migration time because of its high negative charge

of -3. In an anionic 1:1 complex, either a water ligand is deprotonated (Cr(III)

(OH) citrate") or the alcohol group of citrate is deprotonated (Cr(III) (H citrate)")

as described by James and Bartlett (15). Unfortunately, stability constants and pK

values are not known, but such anionic species are likely to exist at pH 5 based on

a comparison with corresponding Fe(III) complexes. A fraction could have been

present in form of the neutral Cr(III) citrate0 complex. The observed signal

would then represent the average signal of anionic and neutral species which are

in a fast protonation equilibrium (16, 17). The smaller average charge would
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explain the smaller electrophoretic mobility (|pEP| = 1.1) compared to the larger

1:2 complexes of salicylate or tartrate with a charge of -1.

Solutions with NTA showed a signal immediately after the negative peak of

the neutral compounds which probably originated from Cr(III) NTA0, perhaps in

equilibrium with a minor fraction of Cr(III) (OH) NTA".

Table 1

Electrophoretic mobilities and UV-detection limits (200 nm, pH 5.0)

Complex
a

pEP [10-4-cm2/Vs] b Detection Limitc

Cr(III) (OH) citrate" or -1.1 3pM

Cr(III) (H jritrate)-

Cr(III) NTA0 -0.0 5pM

Fe(III) (OH) NTA -2.4 5pM

Cr(III) oxalate+ +1.5 lpM

Cr(III) (oxalate)2" -2.6 2pM

Cr(III) salicylate+ +1.8 3pM

Cr(III) (salicylate)^ -1.9 3pM

Cr(III) (tartrate)2" -1.7 10 pM

unknown productd -1.8

/

See text for details,
b

jllEP

I I

\K t
nj

L

U

with I: length inlet-to-detector, L: total length of the capillary, ta: migration time

of analyte, tn: migration time of neutral compounds, U: voltage applied.
c

Signal-to-noise ratio = 3. Since stability constants were not available for

speciation calculations, the fraction of the corresponding species was taken as 100

%. The effective detection limits might therefore be smaller.

d
Product of the reduction ofCr(VI) by Fe(II) tartrate.
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Products of Cr(VI) Reduction by Fe(II) Carboxylates

Figure 2 shows electropherograms which were obtained from a series of Cr(VI)

reduction experiments. Various Cr(III) complexes could be identified by spiking

with corresponding Cr(III) carboxylate solutions.

=

.Sf

<

©
in

Cr citrate"

1
J.

Cr (tartrate)2

*
-

M 'l

unknown

. product
k

Cr NTA0 J

*

1

Fe (OH)NTA-

L /I

Cr (oxalate)^

-A^^.

ir
j^

Cr sal+

'_ f\

Cr (sal)2-

A i

0 2 4 6

Time [min]

Figure 2

CE electropherograms of Cr(III) carboxylates formed in reduction experiments

ofCr(VI) by Fe(II) carboxylates ([Cr(VI)]0 = 100 \M, [Fe(II)]0 = 500 jM,

[carboxylate]0 = 2 mM, pH 5.0).



75

With oxalate and salicylate, a fast formation of 1:1 and 1:2 complexes was

observed. The Cr(III) carboxylates could also be detected in reduction

experiments with Cr(VI) concentrations of 3-10 pM. After the redox reaction, the

relative intensities of the two peaks changed in favour of the 1:2 complex, i.e.,

H20 ligands in the 1:1 complexes were exchanged by a second carboxylate ligand.

The ligand exchange was faster with oxalate than with salicylate. 4 hours after the

redox reaction, the Cr(III) oxalate"" complex was no longer detectable (Figure 2).

The main signal of the experiments with tartrate did not coincide with the

signal for Cr(III) (tartrate)2". The absolute value of the electrophoretic mobility

of the unknown product was slightly larger than that of Cr(III) (tartrate)2" (Figure

2, Table 1). In fact, for the reduction of Cr(VI) by Fe(II) tartrate, Buerge and

Hug found stoichiometries of A[Fe(II)]/A[Cr(VI)] smaller than 3, which were

explained by the oxidation of tartrate by Cr(V) or Cr(IV) intermediates (4).

Possible oxidation products of tartrate could have been oxalate, glyoxalate, or

glyoxal (18). However, the signals of mixtures of Cr(III) with these compounds

did not correspond with the signal of the unknown product.

The anionic Cr citrate complex (Cr (OH) citrate" or Cr (Hjcitrate)") and the

neutral Cr NTA0 could be confirmed as products of the Cr(VI) reductions by

Fe(II) citrate and Fe(II) NTA, respectively.

With NTA, another strongly absorbing peak was observed which could be

identified as an anionic Fe(III) complex with NTA, the oxidation product of the

redox reaction (4). Speciation calculations showed that Fe(III) (OH) NTA" was the

main species at the corresponding experimental conditions. Fe(III) complexes

with the other carboxylate ligands could not be detected by this CE method. They

probably broke apart during the run.
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Conclusions

The present paper demonstrates that capillary electrophoresis is a powerful tool to

directly separate and measure substitution-inert metal complexes. The analytical

method allows one to follow the extremely slow formation of Cr(III) complexes.

For example, 1:1 complexes of Cr(III) with oxalate and salicylate can be

distinguished from 1:2 complexes and the conversion of the first into the second

can be observed over time. A quantitative analysis would require the knowledge

of stability constants of the various Cr(III) complexes for speciation calculations.

Several Cr(III) carboxylates can also be identified as reaction products

formed in the fast reduction of Cr(VI) by Fe(II) carboxylates. Fe(III) (OH) NTA"

can be detected as oxidation product whereas other Fe(III) complexes are too

labile to be measured by this CE method.

Reduction of Cr(VI) by Fe(II) carboxylates is expected to occur in DOC-

rich waters such as an eutrophic lake or wetland. The organic Cr(III) products

are soluble and mobile and might be amenable to reoxidation by manganese

oxides as discussed in a previous paper (4). Metal speciation measurements in

natural waters, however, require extensive sample pretreatment techniques and a

more specific and sensitive detection which may be achieved by application of

hyphenated methods such as CE-MS or CE-ICP-MS.
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5

Analysis of Kinetic Data of

Cr(VI) Reductions by Fe(II)

Carboxylates with Marcus Theory

Abstract

Rate coefficients of the reduction of Cr(VI) to Cr(III) by Fe(II) carboxylates have

been found to correlate with the electron reduction potentials of the forming

Fe(III) complexes. In this paper, the almost linear free energy relationship

(LFER) between kinetics and thermodynamics of these redox reactions was

analyzed in more detail. The rate-determining transfer of the first electron was

described as a reaction composed of several successive, reversible steps:

formation of a precursor complex, electron transfer, protonation of the successor

complex, and irreversible dissociation of the protonated successor complex

(irreversible because of fast follow-up reactions to Cr(IV) and Cr(III)). The

forward and backward electron transfer was treated by Marcus theory while for

the other reactions classical kinetic and thermodynamic concepts were used. The

rate-limiting steps were found to be the electron transfer and the protonation

reaction. The actual electron transfer was endergonic or exergonic depending on

the ligand of Fe(II). A Marcus reorganization energy of 129 ± 12 kJ/mol was

obtained from simultaneous analysis of all kinetic data. The protonation reaction

was, of course, less favourable at higher pH values. Charge effects played a role
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in the formation and dissociation of precursor and successor complexes and could

explain the observed deviations in the LFER.

5.1 Introduction

Linear free energy relationships (LFER) and other empirical correlations

between measured rate coefficients and computable thermodynamic properties of

reactants and products are useful predictive tools for reactions of a certain

molecule with a series of similar compounds (1-5).

In the reduction of Cr(VI) to Cr(III) by Fe(II) carboxylates, the transfer of

the first electron has been found to be the rate-determining step. The reaction

kinetics obeys a simple second-order rate law (3):

Cr(VI) + Fe(II)L
kL

) Cr(V) + Fe(III)L
(1)

_d[&(VI)]
= kL[Fe(II)L] [Cr(VI)] (2)

The measured rate coefficients (log kL) correlate with the reduction potentials of

the corresponding Fe(III) carboxylates in a LFER (3). However, the reactivity of

some Fe(II) complexes slightly deviates from the LFER. The comparatively

slower reactions of Fe(II) (oxalate)/" and Fe(II) citrate" with the anionic Cr(VI)

give rise to suspicion that charge effects influence the rates. Furthermore, the rate

coefficients show a pH dependence which has been interpreted as evidence of a

protonation reaction following the electron transfer step (3). Hence, several rate

constants of more elementary reaction steps contribute to the observed rate

coefficients and it is not immediately clear which step is rate-determining.

In this paper, the relationship between kinetic data and thermodynamic

properties of these reactions is analyzed in more detail. In addition to a reversible

electron transfer step, treated by Marcus theory (1, 2), precursor and successor
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equilibria and a protonation reaction are considered and their contributions to the

measured kinetics are discussed.

5.2 Theoretical Background

Thermodynamics

The free energy change for the transfer of one electron from a Fe(II) carboxylate

to Cr(VI) is given by

A^R =_F(-bCr(VI) —-C-Fe(III)L) w)

The meaning of the symbols is listed in Table 1. The one-electron reduction

potential of Cr(VI) is pH-dependent if the reduction is formulated as:

HCr04" + e" + H+ -» H2Cr04" (4)

ECr(vi) = ECr(VI)° + 0.059 V-(pK(H2CrVI04) - pK(H3Crv04)

[HCrQ4] ^

-pH + log ) (5)
6[H2Cr04-r

The assumption that Cr(V) might be speciated as H2Cr04" at pH 4.0-5.5 is

reasonable if one compares with other five-valent oxoacids (of As, P, V) which

all exist as H2X04 at these pH values.

Reaction 1 can alternatively be written as a sequence of (elementary) steps

(eqs 6-9) (3) with the free energy change of the overall one-electron transfer split

up in four terms (eq 10):



82

Cr(VI) + Fe(II)L ^
>

Cr(VI)Fe(II)L (6)
k

k

Cr(VI)Fe(II)L
(

Cr(V)' Fe(III)L (7)
k

et

k

Cr(V)' Fe(III)L + H+
(

H
)

Cr(V)Fe(III)L
k \°)
H

Cr(V)Fe(III)L
k~5

) Cr(V) + Fe(III)L
(9)

AGR = AGP + AGET 4- AGH + AGS (10)

AGP and AGS are electrostatic work terms describing the free energy changes for

the formation of a precursor or encounter complex (Cr(VI)Fe(II)L) and for the

dissociation of a successor complex (Cr(V)Fe(III)L), respectively (1):

N z z e2f

AGP =

A Fe(n)L Cr(VI)
(11)

47t£0erdp

AGs=-^ZFe(m)LZcr(v)e2f (12)
47i£0erds

The internuclear distance in the precursor and the successor complex (dP and ds)

is approximately equal to the sum of the radii of the reactants (dp « rCr(VI) + rFc(n)L,

ds ~ rcr(v) + rFe(in)L (V)- The radii include the inner coordination shell (6), i.e.,

they are roughly made up of the bond length metal-oxygen plus the van der Waals

radius of oxygen (bond lengths: Cr(VI)-0 166 pm (7), Cr(V)-0 185-195 pm (8),

Fe(II)-0 221 pm (2), Fe(III)-0 205 pm (2), van der Waals radius of O: 140 pm

(9)). This yields values of about 670 pm for dP and ds.
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The free energy change for the protonation reaction (eq 8) is pH-dependent:

AGH = 2.3RT • (pH - pK(Cr(V)Fe(III)L)) (13)

By combination of equations 3, 10-13 the free energy change for the actual

electron transfer can be derived:

AGET =-F(ECr(VI) -EFe(m)L)-AGP -AGH -AGS (14)

The pH dependence of ECr(VI) and AGH cancel each other out so that AGET is no

longer pH-dependent as required for an elementary electron transfer reaction

treatable with Marcus theory.

Kinetics

Assuming steady-state conditions for the intermediate products Cr(VI)Fe(II)L,

Cr(V)'Fe(III)L, and Cr(V)Fe(III)L, a relation between kL (eq 1) and the rate

constants of above reaction scheme (eqs 6-9) can be established:

kpketkH[H+]k„s
k" =

ketkH[H+]k_s +k_pkH[H+]k_s +k„pk_etk_H +k_pk„etk_s
(15)

The formation of the encounter complex is diffusion-controlled, i.e.,

kp > 109 M'V1 (2). The bimolecular rate constant for the protonation of

Cr(V)'Fe(III)L (kH) is taken as 1010-10u M'V1 (10). The rate constants for the

backward reactions (kp and k_H) are calculated from AG values (eqs 11 and 13)

and the rate constants of the corresponding forward reactions. The dissociation of

the successor complex is written as an irreversible reaction with k.s > 1010 s"1

because of the fast follow-up reduction of Cr(V) (3).
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The rate constants for the forward and the backward electron transfer (ket and

k ct) are derived from the corresponding activation energies (AG/, AG et") which

depend on the change of free energy (AGET) and the Marcus reorganization

energy (k). These relationships are described by the equations of Eyring (eq 16)

and Marcus (eq 17) (1):

AG
et

ket =KZe RT

AG'^a + ^ii)'
4 A,

AG?
et

k_et = KZe RT

AG?
k
d

AG
ET\2

k

(16)

(17)

The reorganization energy is assumed to be equal for the redox reaction of

Cr(VI) with a series of similar compounds, in our case 1:1 and 1:2 complexes of

Fe(II) with the ligands citrate, NTA, oxalate, and salicylate, k is comprised of

energy changes that are necessary to reach the transition state by bond

lengthening, compression and/or torsion, and bond angle changes (k) and by

reorganization of solvent molecules (k0). The contribution of the solvent

reorganization energy X,0 can be estimated (1 ):

kn —

NAe

4n

2 f

F F
yc-0or, opt

= 7.64-10'
2r

V Fe(II)L

^O^r J

+

2r
+

2r,
Cr(VI) rFe(II)L "*" rCr(VI) J

2r
Cr(VI) rFe(II)L ^ rCr(VI) J

(18)

with the radii of the species i (r,) in pm and k0 in kJ/mol. The determination of

the inner sphere term X1 is often difficult (1).



85

Table 1

List of symbols

Symbol Meaning Value Derivation

AGC

AG,

AG
ET

AG/, AG.

AG,

AG,

dP, ds

E
°

E'CrCVI)

-^Cr(VI)

F

e

£,

e =
n

°r, opt
L1

free energy change of the overall

one-electron transfer

free energy change of precursor

formation

free energy change of one-electron

transfer

activation energy of one-electron

transfer (forward and backward

reaction)

conditional free energy change of

protonation reaction

free energy change of dissociation of

the successor complex

internuclear distance in the precursor

and the successor complex

one-electron reduction potential of

Cr(VI) at standard conditions

conditional one-electron reduction

potential of Cr(VI)

one-electron reduction potential of

Fe(III)L

electron charge

vacuum permittivity

relative permittivity of water

relative optical permittivity

variable

variable

variable

variable

eq 3

eqll

eq 14

eql7

variable eql3

variable eq 12

« 670 pm see text

0.55 V ref (11)

variable eq 5

variable ref (3)

1.602-1019 C

8.854-10"12 C2/Jm

78.5

1.77
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Table 1 (continued)

Symbol Meaning Value Derivation

F Faraday's constant 96485 C/mol

f ionic strength factor - 1 ref (1)

K rate constant for reaction i variable see text

K adiabaticity factor - 1 ref (1)

k = À, + Àq Marcus reorganization energy fitted

K inner sphere reorganization

energy

k0 solvent reorganization energy -116kJ/mol eql8

NA Avogadro's constant 6.022-1023 mol1

n refractive index of water 1.33

pK(H2CrVI04) pKofH2CrVIO4atI = 0.01 M 0.70 ref (3)

pK(H3Crv04) pKofH3CrvO4atI = 0.01 M fitted

pK(Cr(V)Fe(III)L) pK of the successor complex

Cr(V)Fe(III)L at I = 0.01 M

fitted

R ideal gas constant 8.314 J/molK

r. radius of species i variable see text

T absolute temperature 298 K

Z frequency factor Ô-IO1^1 ref (1)

ZCr(VI) charge of Cr(VI) (HCr04) -1 see text

ZCr(V) charge of Cr(V)(H2Cr04) -1 see text

ZFe(II)L> ZFe(III)L charge of Fe(II)L and

Fe(III)L

variable
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Data Analysis

Provided that the postulated reaction scheme (eqs 6-9) is reasonable, it should be

possible to describe the pH-dependent second-order rate coefficients kL of Cr(VI)

reductions by Fe(II) carboxylates with the above equations. The unknown

parameters k, pK(H3Crv04), and pK(Cr(V)Fe(III)L) have to be adjusted until the

sum of squared residuals (Ssr) from the difference between calculated log kL

values (with eq 15) and experimental log kL values (3) is minimized, e.g., by help

of the solver tool of the computer program Microsoft Excel 98 (12). The fitted

parameters are examined with a sensitivity analysis for the calculation of

corresponding error limits.

5.3 Results and Discussion

Fitting Results

All rate coefficients of Cr(VI) reduction by Fe(II) complexes with citrate, NTA,

oxalate, and salicylate, measured at four pH values (3), were simultaneously

analyzed with the above kinetic-thermodynamic model. The Marcus

reorganization energy k and the pK values of H3Crv04 and Cr(V)Fe(III)L were

adjusted by fitting. The best agreement between calculated and experimental log

kL values was obtained with the parameters listed in Table 2 (Figure 1). Figure 2

depicts the relationship between log kL and AGR at different pH values.
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Table 2

Parameter values obtainedfrom simultaneous data analysis ofall rate coefficients

ofCr(VI) reductions by Fe(II) complexes, measured at four pH values.

Parameter Value Error Limits
c

k 129 kJ/mola 129 ± 12 kJ/mol

pK(H3Crv04) 2.0
a pK(H3Crv04) + pK(Cr(V)Fe(III)L) = 5.5 ± 0.3

pK(Cr(V)Fe(III)L) 3.5 a pK(H3Crv04) + pK(Cr(V)Fe(III)L) - 5.5 ± 0.3

dP « ds 600 pmb > 400 pm

kp MO10 MTV1 b >108MV

kH MOnMVb >5-1010MV

K 1-1011 slb >io9s"1

a

fitted,
b

estimated, see Theoretical Background,
c

see Sensitivity Analysis

8

7

xj 6

u

0

a «

g^ -J

Ë

*
4

3

2

2 3 4 5 6 7 8

log kL calculated

Figure 1

Measured vs calculated second-order rate coefficients kL [M^s1] atpH 4.0-5.5.

Rate law: -d[Cr(VI)]ldt = kL[Fe(II)L][Cr(VI)].
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Figure 2

Measured and calculated second-order rate coefficients kL as a function of the free

energy change of the overall one-electron transfer AGR at pH 4.0-5.5.

Rate law: -d[Cr(VI)]ldt = kL[Fe(II)L][Cr(VI)].
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The slowest steps in the reaction scheme (eqs 6-9) are the forward and backward

electron transfer and, depending on pH, the protonation reaction. ket values range

between 104-107 s"1 and ket between 105-108 s"1. Charge effects which play a role in

the formation and dissociation of precursor and successor complex modify the

observed rate coefficients and explain the irregular course of the curves in Figure

2.

Figure 3 shows the changes in the free energy during the overall one-

electron transfer between Cr(VI) and the Fe(II) complex illustrated for the

ligands citrate and salicylate at pH 4.0. Under these conditions, the highest energy

barrier is the activation energy of the actual electron transfer, AGet*. The free

energy change of the electron transfer step can be positive or negative and ranges

from + 16.4 kJ/mol for oxalate to -11.0 kJ/mol for salicylate. The formation of

the precursor complex is an endergonic process in the case of the anionic

reductants Fe(II) oxalate/", Fe(II) NTA", and Fe(II) citrate". The dissociation of

the successor complex can be endergonic or exergonic depending on the charge of

the ligand. The protonation of the successor complex is the only pH-dependent

reaction step and the corresponding free energy change varies strongly with pH,

i.e., AGH increases with pH.

The fast follow-up reactions by which the intermediates Cr(V) and Cr(IV)

are reduced to the stable Cr(III) are the actual driving force of the whole

reaction.
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Figure 3

Changes in the free energy of the overall one-electron transfer between Cr(VI)

and Fe(II) citrate and Fe(II) salicylate at pH 4.0, respectively. AG values are

calculated using parameter values and equations of Tables 1 and 2.

Sensitivity Analysis

A sensitivity analysis was performed by systematically varying the fitting

parameters around their optimized values. The Figures 4-7 depict contour plots of

the sum of squared residuals (Ssr, sum of squared differences between calculated

and measured log kL values) as a function of pairs of two parameters. The

minimized Ssr from simultaneous fits to all 17 data points was 2.27. This

corresponds to an average oa of
(Ssr
17

~ 0.37, which is illustrated in Figure 1.
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Figure 4 shows that the pK values of H3Crv04 and Cr(V)Fe(III)L are correlated.

Any combination with pK(H3Crv04) + pK(Cr(V)Fe(III)L) « 5.5 yields good fits

with minimal Ssr. This is expected since AGET depends linearly on the sum of

these two pK values (shown by combination of eqs 5, 13, and 14). A

determination of pK(H3Crv04) and pK(Cr(V)Fe(III)L) with the present data set is

therefore not possible.

u

a

-1 -

0

2 '-

83 4 5 6 7

pK(Cr(V)Fe(III)L)

Figure 4

Sum ofsquared residuals (Ssr) as a function ofpK(H3Crv04) and

pK(Cr(V)Fe(III)L) with fixed values for the other parameters as listed in Table 2.

The plot shows contour lines at Ssr = Ssr(min) -(1.1, 1.2, 1.5, 2, 3, 5, 10, 15, 20,

30, 50) with Ssr(min) = 2.27.
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Clear minima of Ssr are obtained when varying the reorganization energy k vs

pK(H3Crv04) or pK(Cr(V)Fe(III)L), respectively (Figures 5 and 6). The contour

lines at Ssv(k ± ex) = Ssr(min) + a2 (log kL) (with Ssr(min) = 2.27 and a maximal

value of o(log kL) ~ 1) allow the calculation of errors for k: £x
~ 12 kJ/mol (see

Supporting Information in ref (3)).

-10 12 3

pK(H3CrV04)

Figure 5

Sum ofsquared residuals (Ssr) as a function of"k and pK(H3Crv04) with fixed

values for the other parameters as listed in Table 2. The plot shows contour lines

at Ssr = Ssr(min) -(1.1, 1.2, 1.5, 2, 3, 5, 10, 15, 20, 30, 50) with Ssr(min) = 2.27.



95

100

- 120
o

B

* 140

160

2 3 4 5 6
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Figure 6

Sum ofsquared residuals (Ssr) as a function ofX and pK(Cr(V)Fe(III)L) with

fixed values for the other parameters as listed in Table 2. The plot shows contour

lines at Ssr = Ssr(min) -(1.1, 1.2, 1.5, 2, 3, 5, 10, 15, 20, 30, 50) with Ssr(min) =

2.27.

All other estimated parameters have a minor or negligible influence on fit quality

and the fitted reorganization energy. The corresponding errors of k are < 11

kJ/mol for kH > 5-1010 M'V1 (Figure 7), < 6 kJ/mol for dp = ds > 400 pm, < 1

kJ/mol for kp > 109 M"V1 and for k.s > 109 s"1, respectively.
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Figure 7

Sum ofsquared residuals (Ssr) as a function of À and kH with fixed values for the

other parameters as listed in Table 2. The plot shows contour lines at

Ssr = Ssr(min) -(1.1, 1.2, 1.5, 2, 3, 5, 10, 15, 20, 30) with Ssr(min) = 2.27.

Discussion

The fitted reorganization energy of 129 ± 12 kJ/mol is reasonable and comparable

to literature data. Self-exchange reactions between Fe(II) and Fe(III) complexes

have k values of 218 kJ/mol for H20 ligands, 151 kJ/mol for CN ligands, and 59

kJ/mol for phenanthroline ligands (2). The calculation of the solvent

reorganization energy according to eq 18 with radii of the reactants estimated

from the bond length metal-oxygen plus the van der Waals radius of oxygen

yields a value of ~ 116 kJ/mol. However, this estimation has to be regarded with

caution because A,0 is extremely sensitive to the radii used for calculation. For

example, A,0 decreases by 27 kJ/mol for r, values which are 100 pm larger. A

small contribution of the inner sphere reorganization energy makes sense since

the electron transfer from Fe(II) to Cr(VI) most probably occurs between
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nonbonding 7i-orbitals (3) what usually causes small changes in bond lengths (1).

In addition, bond angle changes are expected to be small because the coordination

number of the products remains the same, i.e., Cr(V) is still tetrahedral and

Fe(III) is octahedral.
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Abstract

Chromium(VI) is a priority pollutant of some soils and natural waters in

industrial areas. Iron(II), an important natural reductant of Cr(VI), is an option

in remediation of contaminated sites, transforming Cr(VI) to essentially non-toxic

Cr(III). After kinetics and pathways of this redox reaction had been reported to

depend strongly on pH and organic ligands, this study investigated the influence of

mineral surfaces. Kinetic measurements with UV-VIS in mineral and soil

suspensions at pH 5 showed that all minerals tested, except A1203, accelerated the

Cr(VI) reduction by Fe(II), in the order of a-FeOOH * y-FeOOH »

montmorillonite > kaolinite « Si02 » A1203. Similar kinetics were observed with

soil from the E and BFe horizons of a Podzol. The reactions appear to be driven

by the high reactivity of adsorbed Fe(II). Whereas adsorbed Cr(VI) was reducible

by Fe(II), the sparingly soluble BaCr04 was largely protected from reduction.

This is of environmental relevance since in many polluted soils, Cr(VI) is partly
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present as Ba, Ca, Fe, or Pb salts. Kinetic data and reaction pathways are

important in the optimization of Fe(II)/mineral mixtures as reductants of Cr(VI)

in technical systems, in the evaluation of in-situ remediation of Cr(VI)-

contaminated waters and soils by Fe(II), and in qualitative predictions and

modeling of Cr(VI) in natural systems.

6.1 Introduction

Chromium contamination is common in soils, ground- and surface waters in

industrial areas (1, 2). Cr compounds have been released to the environment due

to improper disposal and leakage, e.g., in ore processing, manufacture and usage

of alloys, and in the galvanic, ceramic, dye, and tannery industries. Of concern is

hexavalent chromium, Cr(VI), which is toxic and potentially carcinogenic (1, 2).

Cr(III), the other stable oxidation state in natural systems, is an essential trace

element for man and animals (1, 2), but it becomes a problem in

manganese(III/IV)-rich environments where it can be oxidized to Cr(VI) (3).

Cr(VI) is quite mobile in soils and aquifers, whereas Cr(III) is usually associated

with solids. However, Cr(VI) can also precipitate as moderately-to-sparingly

soluble Ba, Ca, Fe, or Pb salts (4, 5) and can adsorb on sesquioxides at low pH

(6). These solid and immobile forms of Cr(VI) are not readily accessible to

reductants and cause problems in remediation (4, 7).

Among the compounds capable of reducing Cr(VI), Fe(II) plays an

important role in many soils and natural waters (for references see (8)). Zero-

and divalent iron are efficient reductants in technical processes (9) and possibly in

subsurface remediation (10-12). Several authors have demonstrated Cr(VI)

reduction by Fe(II)-bearing minerals such as biotite, Fe(II)-containing hematite

(13-15), Fe(II)-containing goethite (16), magnetite, ilmenite (17-22), iron sulfides

(11, 23), and siderite (11), and by zero valent iron (10-12). Some of these solids

are proposed as materials for permeable reactive redox barriers installed
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downstream of Cr(VI) plumes. On a laboratory scale, Blowes, Pratt, and

coworkers (11, 12) tested iron filings, iron chips, pyrite, and siderite and found

finely-grained Fe(0) to be the most effective Cr(VI) reductant. Impure, partially

oxidized Fe(0) proved to be the best remediation material in the investigations by

Powell et al. (10).

The different studies describe Cr(VI) reduction by solid Fe(0/II) as a

process occurring in solution by dissolved Fe(II) (13, 24, 25), as a surface

reaction with adsorbed or structural Fe(II) (14-19, 26), or as both, a

homogeneous and a heterogeneous process (21-23). It is also of interest whether

adsorbed Cr(VI) is more reactive than dissolved Cr(VI) (27, 28) or whether it is

reduced more slowly (29).

There is currently limited kinetic information that helps to understand the

relative importance of homogeneous and heterogeneous reaction pathways. The

kinetics of Cr(VI) reduction by Fe(II) in solution, especially the influence of pH

(30-32) and of organic ligands (8) has been investigated, but there is a lack of

kinetic data for heterogeneous processes. This study presents kinetic

measurements of Cr(VI) reduction by Fe(II) in suspensions of several metal

oxides, clay minerals, and natural soil materials.

In the first two publications of this series on Cr(VI) reduction by Fe(II), we

found kinetics obeying the rate law (8, 30):

_

d[Cr(VI)]
= £ k^ [Fe(n)L][Cr(VI)] (1)

dt l

where L designates Fe-complexing ligands such as H20, OH", carboxylates,

phenolates, or phenanthroline. The kinetics is mainly determined by the speciation

of Fe(II). O-ligands which stabilize Fe(III) increase the Cr(VI) reduction rate by

orders of magnitude, whereas N-ligands that preferentially stabilize Fe(II)

drastically decrease the rate. The log kL values correlate with the corresponding

reduction potentials of the iron redox couples in a linear free energy relation
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(LFER) (8). The influence of different Cr(VI) species (Cr042, HCr04 ) could not

be separated in these previous experiments, but appeared to be minor compared to

the Fe(II) speciation.

We expect that mineral surfaces have a similarly strong effect on the

reaction by affecting the Fe(II) and the Cr(VI) speciation. Solid phases were

chosen to favour either Fe(II) adsorption (Si02, montmorillonite), Cr(VI)

adsorption (A1203), or adsorption of both Fe(II) and Cr(VI) (a-FeOOH, y-

FeOOH, kaolinite). Further kinetic experiments with natural soil material from

two horizons of a Podzol (E horizon developed via eluviation of organic matter,

Fe, and Al and a BFe horizon created by illuviation of Fe and Al) were compared

with the pure mineral systems.

6.2 Experimental Section

Chemicals

All chemicals were at least reagent grade and used as supplied (from Merck:

K2Cr04, (NH4)2Fe(S04)2-6H20, A1C13-6H20, acetic acid 100 %, sodium acetate,

ammonium acetate, diphenylcarbazide, H2S04 95-97 %, HN03 65 %, HCl 32 %,

NH3 25 %, Titrisol HCl 0.1-1 M, NaOH 0.1-1 M, H202 30 %, from Fluka: KCl,

BaCl2-2H20, BaCr04, ferrozine, NaOH 32 %). Solutions were prepared with

deionized water (18 MQ Q-H20 grade Barnstead Nanopure) in HCl-cleaned

glassware.

Mineral Phases

Minerals were used as received. Amorphous silica (Aerosil OX50) and aluminum

oxide (Aluminiumoxid C) were obtained from Degussa AG (Germany). Goethite

(Bayferrox 910, Standard 86) was from Bayer AG (Germany). Lepidocrocite was

kindly provided by H.-U. Laubscher, EAWAG (Switzerland) (33).

Montmorillonite (SAz-1) was purchased from the Source Clay Minerals



103

Repository, University of Missouri-Columbia (USA), kaolinite (China Clay) from

the English Clays Lovering Pochin & Co. Ltd, Cornwall (UK). Point of zero

charge and BET surface of the minerals are listed in Table 1.

Soil Material

Soil samples were collected from a ferric-humic Podzol in Guberwald/Eigenthal

(Switzerland). The field-moist soils were passed through a 4 mm sieve and were

stored in the dark at 4 °C, packed up in two polyethylene bags to prevent a loss of

moisture. Some physical and chemical properties of the E and BFe horizon are

listed in Table 2.

Experiments

The kinetic experiments were performed by addition of a small volume of acidic

Fe(II) stock solution to a pH-buffered, Cr(VI)-containing mineral or soil

suspension. Aliquots were removed for photometric Cr(VI) and Fe(II) analysis at

defined time intervals.

Suspensions of 200 ml, typically containing 0.01 M KCl (inert electrolyte),

1 mM acetate buffer pH 5, 20 pM Cr(VI), and variable amounts of solid

(minerals were added as dry powder, soils were added moist; the initial pH was

adjusted with HCl or NaOH), were equilibrated for 30-60 minutes in a 250 ml

air-tight sealable three-neck flask before addition of Fe(II) (to 60 pM) with a

Hamilton syringe through a Teflon/silicone disc septum. To prevent Fe(II)

oxidation by 02, the three-neck flask was continuously sparged with N2, with the

outlet immersed in water to avoid a backflow of 02. Acidic stock solutions of

Fe(II) (0.1 M, pH 1-2) were always freshly prepared. All experiments were

conducted in the dark at 23 ± 3 °C. The suspensions were stirred with a magnetic

teflon bar. Samples of 1-2 ml were periodically withdrawn with a syringe

through an air-tight sealable three-port tap, immediately filtered (through a 0.2

pm Nylon arcodisc from Gelman, rinsed with water prior to use), and measured
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Table 1

Point ofzero charge and BET surface area of the minerals

Mineral pHpzc BET [mVg]

Si02 2.3
a

(53) 50 ± 15 (53)

Montmorillonite 5.9-10.5 h'c(54) 530/99
d

(55)

Kaolinite 7.5
b
(56) 12/12

d
(55)

Goethite 7.5-7.8 c

(35) 17.5 (55)

Lepidocrocite 6.7-7.2 c

(35) 89 (35)

A1A 8.9
a

(53) 96 (55)

a

pH where zeta potential is zero

b

point of zero net proton charge (pHznpc)
c

range of literature values of the respective mineral

d
BET surface area accessible for H2OIN2

Table 2

Physical and chemical data ofthe soil horizons

Horizon Depth pHb TOCc

[cm] (H20) [% CI

Fe
d

Altotd BET

[mg/gl [mg/gl [m2/g]

E (loamy sand) 20-60 4.3 0.20 ± 0.04 0.6 ± 0.3 2.5 ± 1.6 0.7±0.2

BFe (loamy sand) 70-120 4.3 0.83 + 0.02 10.5 ± 1.5 11.1 ± 0.2 7.6 ± 4.8

a

For a detailed description see (57).

b
soil-to-water ratio of 1:2.5.

c
Total organic carbon, measured with a Shimadzu TOC-5000AISSM-5000A

analyzing system.

d
Measured with an ICP-OES from Spectro after microwave digestion of50 mg

of dried, crushed soil with 4 ml HN03 65 % and 1 ml H202 30 %.

e

Measured with a Sorptomatic-19001Milestone-100 from Carlo Erba.
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photometrically (spectrophotometer Uvikon 860/Kontron). The pH decreased

slightly during the reactions (< 0.2 units) because of precipitation of

Fe(III)/Cr(III) hydroxides.

Control experiments without Fe(II) showed no Cr(VI) reduction by acetate,

minerals, or soils. Fe(II) oxidation in the absence of Cr(VI) by traces of 02 was

negligible compared to Fe(II) oxidation by Cr(VI).

The kinetics of the reduction of the sparingly soluble BaCr04 salt by Fe(II)

was compared with the reduction of dissolved K2Cr04 using 20 pM Cr(VI) and 60

pM Fe(II) at pH 4.9 (1 mM BaCl2 was added in the experiment with BaCr04).

The dissolution of BaCr04 was measured in a separate experiment under same

conditions without the addition of Fe(II).

Analytical Methods

Dissolved HCr04 and Cr042 were determined by multicomponent fitting of UV-

VIS spectra with spectra of the components (30). Solutes or filter passing colloids

originating from the solids had a negligible absorbance of light. Small

concentrations of Fe(III), released from dissolution of iron (hydr)oxides or

formed by oxidation of Fe(II), were accounted for as a component in the

multicomponent fitting (30). Fe(II) was measured colorimetrically with ferrozine

(34).

Cr(VI) and Fe(II) Adsorption

The adsorption of Cr(VI) and Fe(II) on the different minerals was determined in

separate batch experiments by calculating the difference between initial

concentration and remaining dissolved concentration after a defined adsorption

time. The suspensions had equal pH and concentrations of Cr(VI), Fe(II), acetate,

CI", and S042" as in our kinetic runs, but did not contain the redox partner.

Experiments with Fe(II) were conducted in a 02-free glove box with 97 % N2, 3

% H2, and < 1 ppm 02 to prevent Fe(II) oxidation by 02.
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Kinetic Analysis

For the Cr(VI) reduction by Fe(II) in the presence of solid phases, we expect a

rate law that considers the speciation of Fe(II) and Cr(VI):

d[Cr(VI)]
= k1[Fe(II)]diss[Cr(VI)]dlss + k2[Fe(II)]ads[Cr(VI)]diss

dt

+k3[Fe(II)]diss[Cr(VI)lads + k4[Fe(II)]ads[Cr(VI)]ads (2)

where the subscripts diss and ads mean dissolved and adsorbed, respectively. The

four terms can be summarized in a simple second-order rate law with total

concentrations (denoted by square brackets without subscript)

d[Cr(VI)]_
= k^ [Fe(n)][Cr(VI)] (3)

dt

in one of the following cases:

(i) At concentrations in the linear range of the adsorption isotherms, dissolved

and adsorbed fractions remain constant during the course of the reaction,

provided that adsorption/desorption reactions are fast compared to the redox

reactions,

(ii) At concentrations in the non-linear range of the adsorption isotherms if the

reactivities of dissolved and adsorbed species are the same,

(iii) In the linear range of Fe(II) adsorption and in the non-linear range of

Cr(VI) adsorption if the reactivity of dissolved and adsorbed Cr(VI) is

similar, or vice versa,

(iv) In the linear range of Fe(II) adsorption if adsorption of Cr(VI) is negligible,

i.e., the adsorbed fraction is small and adsorbed species are not extremely

reactive.
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Starting the kinetic experiment with [Fe(II)]0 = 3 [Cr(VI)l0 and at a stoichiometric

progress of the reaction, i.e., [Fe(II)] remains 3 [Cr(VI)], eq 3 can be integrated

to the linear expressions:

1 l
+3kobst (4)

[Cr(VI)] [Cr(VI)l0

—-— =

1
+ kobst (5)

[Fe(II)l [Fe(II)]0

kobs values were determined with eq 4 or 5 depending on which reactant was to

more than 95 % in solution. Stoichiometries were checked in some experiments

and we always found ratios of [Fe(II)]/[Cr(VI)] -3:1.

6.3 Results and Discussion

Si02 and Clays: Effect of Fe(II) Adsorption

Figure 1 shows a series of experiments with variable Si02 concentration. The

solid phase strongly accelerates the reduction of Cr(VI) by Fe(II). The fraction of

adsorbed Fe(II) was less than 1 % and adsorption of Cr(VI) was not observed

(Appendix). It is expected that the small fraction of Fe(II) adsorbed to >SiO

groups leads to the increased Cr(VI) reduction rates by analogy to Fe(II)

complexed with dissolved O-ligands (8). Under the assumption that any minor

fraction of adsorbed Cr(VI) does not strongly affect the kinetics (which was

confirmed by the experiments with A1203, see following section), equation 2

simplifies to

d[Cr(VI)]
= k) [Fe(n)]diss [Cr(VI)ldlss + k2 [Fe(II)lads [Cr(VI)ldlss (6)

dt



108

20

15

J 10

fi"
>
U

0

0 50 100 150 200 250

Time [min]

Figure 1

Cr(VI) reduction by Fe(II) in the presence ofSi02 ([Cr(VI)]0 = 20 piM, [Fe(II)]0 =

60 yM, [Si02] = 0-10 gll, pH 4.9). Symbols: measured concentrations, lines: fits

according to eq 3.

With linear adsorption of Fe(II) (Appendix), case (iv) and equation 3 are

applicable. Corresponding linearized plots (eq 4) of reciprocal [Cr(VI)]dlss versus

time are depicted in Figure 2. In the case of Si02 (and also with montmorillonite,

kaolinite, and soil of the E horizon; data not shown), a slight curvature in the

linearized plot at the beginning of the experiment indicates a decrease in

reactivity, possibly due to an alteration of the surface properties by precipitation

of Fe(III)/Cr(III) products. The maximal amount of product formed in our

experiments was 80 pM Fe(III)/Cr(III), which constitutes less than about 25 % of

the equivalent of a monolayer coverage (always > 350 pM surface sites assuming

5 sites/nm2 (35)). Hence, surface precipitation is likely to affect the most active

sites of Si02.
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Figure 2

Linearized second-order plots of l/[Cr(VI)]d[ss vs time (eq 4), validfor the rate

law of-d[Cr(VI)]/dt = kobs[Cr(VI)][Fe(II)] and stoichiometric concentrations of3

[Cr(VI)l = [Fe(ll)l ([Cr(VI)]0 = 20 ]M, [Fe(II)]0 = 60 jiM, [SiOJ = 0-10 gll, pH

4.9).

In order to obtain a mean rate coefficient for the reduction of the first 50 % of

initial Cr(VI), second-order kobs values were determined from half-lives (eq 4

solved for kobs at t1/2). As shown in Table 3 and Figure 3, kobs increased linearly

with the Si02 concentration as expected in the linear range of Fe(II) adsorption.

By combination of eq 3 with eq 6, kobs can be expressed with the effective

second-order rate coefficients kj and k2 and the fraction of adsorbed Fe(II) fads:

^obs — (i " tads) *M + ^ads k2 (7)
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From kobs (Table 3), fads (Appendix), and the rate coefficient for the homogeneous

reaction kj (30-32) the rate coefficient for the reaction of adsorbed Fe(II) with

dissolved Cr(VI) can be calculated: k2(Si02) ~ 8-103 M'V1.

Similar second-order kinetics were observed with montmorillonite and

kaolinite (Table 3, Figure 3), although the conditions for second-order behaviour

(eq 3) were not strictly fulfilled because of significant sorption of Fe(II)

(adsorption and ion-exchange, Appendix).
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Figure 3

Second-order rate coefficients kobs as a function of the surface concentration of

different minerals at pH 4.9 (Al203 at pH 5.0). Rate law of-d[Cr(VI)]/dt =

k0JFe(II)][Cr(VI)].

t>
a-FeOOH

/ /7-FeOOH

Montmorillonite

^^^^^ Kaolinite
Si02
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Table 3

kobs values [M's1] at different solid concentrations [gll dry weight] at pH 4.9

(Al203 at pH 5.0), determined from half-lives using eq 4 and 5. Rate law of

-d[Cr(VI)]ldt = k0JFe(II)][Cr(VI)]. In the absence ofsolid phases kobs (pH 4.9) =

3.7 M's1 (30).

Mineral Solid Concentration [g/1]

0.1 0.2 0.5 1 2 10 15 30

Si02 4.6 9.6 19.8 34.7

Montmorillonite 16.3 34.2 50.0

Kaolinite 11.3

Goethite 6.6 12.2 32.6 72.3

Lepidocrocite 12.2 26.7 94.2 164

A1A 7.5 5.3 4.0 3.5

17.7 27.2

Soil Solid Concentration [g/1]

4.1 4.4 8.8 12.2 13.3 17.7 20.4 22.1 40.8

E Horizon 4.8 8.5 11.6 21.4 29.2

BFe Horizon 3.6 8.7 15.2 49.6

A1203: Effect of Cr(VI) Adsorption

A1203 represents the opposite case of Si02 with a positive surface charge at pH 5

(>A10H2+) and hence adsorption of anionic HxCr04x 2. The adsorption of Cr(VI)

ranged from moderate to complete, depending on the Al oxide concentration

while Fe(II) adsorption was not observed (Appendix). Neglecting adsorption of

Fe(II), the rate law simplifies to

d[Cr(VI)]

dt
k, [Fe(II)]diss [Cr(VI)]diss + k3 [Fe(II)]diss [Cr(VI)] ads (8)
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The kinetics were essentially second-order as for Si02, but with almost no

influence of A1203. The corresponding kobs values, determined from half-lives

using eq 5, are shown in Table 3 and Figure 3. Slightly increased reduction rates

were found at A1203 concentrations of up to ~ 1 g/1 whereas higher solid phase

concentrations led to somewhat slower Cr(VI) reduction, indicating that adsorbed

Cr(VI) may be slightly less reactive than HCr04 (predominant dissolved species

at pH 5). Possible reasons are a different geometric access of dissolved Fe(II) to

adsorbed and dissolved Cr(VI) (36) and a changed reduction potential of adsorbed

Cr(VI). Basically however, adsorption of Cr(VI) on A1203 has a small influence

on the kinetics of Cr(VI) reduction by Fe(II) what corresponds to case (iii).

At a concentration of 10 g/1 A1203, essentially all Cr(VI) was adsorbed, but

was still reducible by Fe(II). The experiments of Eary and Rai (37), who studied

Cr(VI) reduction in subsurface soils under acidic conditions, have also shown that

P-exchangeable Cr(VI) is amenable to reduction.

BaCr04 (s): Cr(VI) in the Crystal Lattice

The reduction rate was dramatically reduced when Cr(VI) was present in form of

the sparingly soluble BaCr04 salt (Figure 4) and was essentially determined by the

rate of dissolution of BaCr04 (s). This observation agrees with the findings of

James (38) who reported that not all of the "non-exchangeable" Cr(VI) (possibly

CaCr04 (s)) in alkaline soils enriched with chromite ore processing residue could

be reduced by added Fe(II). Vitale et al. (39) showed that a part of PbCr04 (s),

spiked to an anoxic, reducing sediment, was recovered, i.e., PbCr04 (s) could not

be reduced, or only so after dissolution.
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Figure 4

Reduction ofsparingly-soluble BaCr04 and ofdissolved K2Cr04 by Fe(II)

([Cr(VI)]0 = 20 \M, lFe(II)]0 = 60 \M, pH 4.9, [BaCl2]0 = 1 mM was added in the

experiment with BaCr04). For comparison, the graph shows the dissolution

kinetics ofBaCr04 under the same conditions without addition ofFe(II). Plotted

are [Fe(II)]dJ3 for the reduction experiments and [Cr(VI)]dissfor the dissolution

experiment.

Fe (hydr)oxides: Effect of Fe(II) and Cr(VI) Adsorption

On the surface of goethite and lepidocrocite, Fe(II) as well as Cr(VI) can adsorb

at pH 5. The fraction of adsorbed Fe(II) was less than 3 % and the fraction of

adsorbed Cr(VI) was between 15 and almost 100 % depending on the solid phase

concentration (Appendix). Since the adsorption of Fe(II) was in the linear range

(Appendix) and if, by analogy to A1203, dissolved and adsorbed Cr(VI) have a

similar reactivity, the use of eq 3 is applicable (case (iii)). Corresponding second-

order plots (eq 5) with lepidocrocite (Figure 5) and goethite and also with the

iron horizon of the Podzol were completely linear and, in contrast to all silicon
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minerals, did not show a curvature during the course of the reaction. Apparently,

the properties of the iron (hydr)oxide surfaces did not change significantly,

indicating that Fe(III)/Cr(III) surface precipitates may have a similar crystal

structure as the initial surface (see Products).
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Figure 5

Linearized second-order plots ofll[Fe(II)]diss vs time (eq 5), validfor the rate law

of-d[Cr(VI)]ldt = kobs[Cr(VI)][Fe(II)] and stoichiometric concentrations of3

[Cr(VI)J = [Fe(II)] ([Cr(VI)]0 = 20 piM, lFe(II)]0 = 60 piM, [y-FeOOH] = 0-1 gll,

pH 4.9).

Cr(VI) reduction was extremely fast in the presence of both Fe(III) (hydr)oxides,

with kobs values increasing linearly with the solid phase concentration (Table 3,

Figure 3). The kinetics is determined by the accelerating effect of Fe(II)

adsorption, so that the terms with dissolved Fe(II) in eq 2 can be omitted:

d[Cr(VI)]

dt
= k2[Fe(II)]ads[Cr(VI)]diss + k4[Fe(II)]ads[Cr(VI)] ads (9)
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If we assume that k2 ~ k4 as found for A1203, eq 9 simplifies to eq 10.

d[Cr(VI)]
w ^ [Fe(n)]ads [Cr(VI)] = fadsk2 [Fe(II)][Cr(VI)] (10)

dt

Thus, effective second-order rate coefficients k2 for the reaction of adsorbed

Fe(II) with Cr(VI) can be calculated from kobs values and the fractions of

adsorbed Fe(II) fads (Appendix), yielding k2 = kobs/fads - 2-103 M'V1 for a-FeOOH

and k2 ~ 5-103 M~V for 7-FeOOH. These values may be considered as upper

limits as the fractions of adsorbed Fe(II) in the presence of Cr(VI) may have been

higher than those measured in the absence of Cr(VI).

The effectiveness of Fe(II) together with an iron oxide as reductant has

been demonstrated by Anderson et al. (40) in an industrial process for removing

Cr(VI) from cooling tower blowdown. They utilized ferrous ions to reduce the

Cr(VI) and fine magnetite (Fe304) to act as a nucleation agent for surface

precipitation of Cr(III) at pH 6-8. Magnetite itself was essentially ineffective, but

probably catalyzed Cr(VI) reduction by Fe(II) as in our system.

Experiments with Soil Horizons

The two Podzol soil samples were selected in order to test whether the iron-

enriched BFe horizon exhibits a higher reactivity relative to Cr(VI) reduction by

Fe(II) than the quartz-rich E horizon, similar to FeOOH compared with Si02.

Both soils accelerated the redox reaction, but the rates with the BFe and E horizons

were similar (Table 3).

A possible explanation is that the BFe horizon bears significant amounts of

Al (Table 2) so that it is likely that the opposing effects of Fe and Al (hydr)oxides

partly cancel each other out. In a mixture of 10 g/1 A1203 and 1 g/1 a-FeOOH,

Cr(VI) reduction by Fe(II) occurred with a kobs of 12 M"V\ a value which was

considerably smaller than with 1 g/1 a-FeOOH alone (72 M"V). The influence of
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Al on the reactivity of goethite could be shown in an experiment where we added

some A1C13 to suspensions of a-FeOOH (pH 4.9) 16 hours prior to the kinetic

run. Figure 6 demonstrates that even small concentrations of A1C13 slowed down

the reaction dramatically. Addition of 200 pM of A1C13 to 1 g/1 of a-FeOOH

(equivalent to a molar ratio of Al:Fe ~ 1:60) lowered the rate coefficient by

almost a factor of ten. 200 pM Al(III) was probably sufficient for total coverage

of the a-FeOOH surface (1 g/1 is equivalent to about 150 pM surface sites

assuming 5 sites/nm2 (41)) and completely inhibited the accelerating effect of oc-

FeOOH.
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Figure 6

Second-order rate coefficients kobs ofa series ofCr(VI) reduction experiments by

Fe(II) in the presence ofa-FeOOH and variable amounts ofAlCl3 added 16 hours

prior to the kinetic run ([Cr(VI)]0 = 20 piM, [Fe(II)]0 = 60 jM, [Al(III)] = 0-1

mM, la-FeOOH] = 1 gll, pH 4.9).
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It is known that in the illuviated horizon of Podzols, the Al:Fe ratio often

increases with depth (42), i.e., Al percolates farther through the soil profile than

Fe, a result of the higher solubility of Al (hydr)oxides compared to Fe

(hydr)oxides. Therefore, we speculate that the outer coverings of the sand grains

of the BFe horizon are partly coated with Al.

Comparison of Reactivity

All the minerals investigated strongly affected the kinetics of Cr(VI) reduction by

Fe(II), but exhibited different reactivities. Per unit of surface area, the Fe(III)

(hydr)oxides were much more effective than siloxane surfaces, and these were

more reactive than aluminum oxide (Figure 3). The order of reactivity is similar

to that found for the Mn(II) oxidation by 02 in the presence of different metal

oxide surfaces: y-FeOOH > a-FeOOH > Si02 > A1203 (35).

However, the effective second-order rate coefficients k2, describing the

reaction of dissolved Cr(VI) with Fe(II) adsorbed on FeOOH or Si02, are in the

same order of magnitude (2-8-103 M~V). Hence, it seems that the difference in

observed rates between Fe and Si (hydr)oxides is mainly due to the difference in

the amount of Fe(II) adsorption. Even at pH 4.9, which is below the point of zero

charge of FeOOH (Table 1), the amount of Fe(II) adsorbed per surface area is

higher on FeOOH than on Si02 (Appendix), possibly due to the better orbital

overlap and charge derealization (>Feni-0-Fen <-> >Fen-0-Fem).

The second-order kinetics found in our experiments are an indication that

the electron transfer is rate-determining rather than the preceding adsorption of

Fe(II), otherwise the kinetics would have been first-order and independent on

[Cr(VI)]. Under the assumption that the LFER between second-order rate

coefficients (log kL, see eq 1) and the electron reduction potentials of dissolved Fe

complexes (EH°) found in (8) can be applied for heterogeneous systems, EH° values

for adsorbed Fe can be estimated. Inserting the effective second-order rate

coefficients k2 into the LFER yields reduction potentials of 0.42 ± 0.13 V, 0.48 ±
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0.13 V, and 0.44 ± 0.13 V for Fe adsorbed on Si02, a-FeOOH ,
and y-FeOOH,

respectively. As discussed earlier, the Fe(II) adsorption data for the Fe(III)

(hydr)oxides may understimate Fe(II) adsorption in the presence of Cr(VI) and

correspondingly overestimate k2, but the error propagation on the reduction

potential is small, e.g., if k2 is smaller by a factor of five, EH° increases by only

0.07 V. Our estimated values are within the range of reduction potentials reported

in the literature for structural Fe in silicates (0.33-0.52 V, (43)), structural Fe in

magnetite and ilmenite (0.34-0.65 V, (22)), and for Fe adsorbed on iron

hydroxide as a bidentate complex (0.36 V, (36)).

Products

The knowledge of the products formed in the Cr(VI) reduction by Fe(II) is of

interest with regard to mobility and possible reoxidation of Cr(III) by oxidants

such as Mn(III/IV) minerals. The mobility decreases from dissolved organic

Cr(III) complexes to colloidal Cr(III) (hydr)oxides and particulate Cr(III)

precipitates. James and Bartlett (3) found that the oxidation rate for different

forms of Cr(III) added to suspensions of a Mn-rich Aquic Udorthent soil

decreased in the order: freshly precipitated Cr(OH)3 > Cr(III) citrate > aged

Cr(OH)3.

In homogeneous aqueous solutions with Cr(VI) and Fe(II), we observed the

precipitation of finely dispersed, X-ray amorphous colloids with a chemical

composition of Fe0 75Cr0 25(OH)3 (s) (30). In the presence of carboxylic acids, we

identified soluble Cr(III) carboxylates as reduction products (8).

Most studies on Cr(VI) reduction by Fe(II)-bearing minerals and by zero-

valent iron report (surface) precipitation of Cr(III)-Fe(III) (hydr)oxides (10-13,

17-19, 21-23). The products seem to be amorphous (13), but there are also

indications for the formation of, for example, crystalline, Cr(III)-substituted

goethite phases (11,12, 44). Whereas Cr(III) forms clusters on the surface of

silica (45-47), magnetite (18,19), and hematite (48), Fendorf found more or less
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equally distributed precipitates on goethite (47). Our observation that the

experiments with goethite and lepidocrocite did not show an initial decrease in

reactivity, i.e., that the surface properties did apparently not change, might be a

further indication that the Fe(III)/Cr(III) phase formed is partly crystalline on

these surfaces. However, the crystallinity is also strongly dependent on the

Cr(III)/Fe(III) ratio (12, 49) and on pH (at high pH, amorphous phases probably

predominate (50)).

Environmental Significance

The present experiments have shown that solid phases, i.e., their surfaces, have a

strong influence on the kinetics of Cr(VI) reduction by Fe(II). The kinetic

investigations of this and our two preceding studies on pH dependence and

influence of organic ligands (8, 30) help to understand and to assess the redox

behaviour of Cr in natural environments. For example, in an eutrophic lake with

10 mg/1 DOC and 1 mg/1 inorganic particles, Cr(VI) reduction by Fe(II) will

likely occur in solution leading to dissolved Cr(III) complexes. By contrast,

surface reactions can be expected to dominate in soils and sediments low in DOC

and yield Cr(III) products preferentially associated to Fe (hydr)oxides.

Detailed kinetic data help to optimize the application of Fe(II)/mineral

mixtures as reductants of Cr(VI) in technical systems. In-situ remediation of

Cr(VI)-contaminated waters and soils by addition of soluble Fe(II) salts may be a

cheap alternative to pump and treat remediation or to permeable, reactive Fe(0)

barriers which might become less reactive with time because of surface

passivation (19).

The experiments with A1203 have demonstrated that Fe(II) is an efficient

reductant not only for dissolved, but also for exchangeable, adsorbed Cr(VI).

However, sparingly soluble chromâtes such as BaCr04 are recalcitrant toward

reduction by Fe(II) which poses a problem in polluted soils where Cr(VI) is

partly present as moderately-to-sparingly soluble Ba, Ca, Fe, or Pb salts (4, 5, 38)
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or as solid solutions with sulfate (20, 51). For example, chromite ore processing

residue often contains CaCr04 (s) (4).

Fe(II) speciation is important for understanding reductive transformations

of a series of other pollutants such as halogenated solvents, nitroaromatic

compounds, selenate, uranium(VI), pertechnetate, nitrite, and nitrate (see

literature in (52)). The relative reactivities of different Fe(II) species (Fe(II)

adsorbed on minerals or complexed by organic ligands) in the reduction of

Cr(VI) are possibly transferable to predict the reduction kinetics of a number of

compounds.
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6.5 Appendix

Adsorption Data

Fe(II) and Cr(VI) adsorption data are listed in Table 4. In order to match the

conditions of the reduction experiments (started by addition of Fe(II)), the

adsorption of Fe(II) was determined after 1 min and the adsorption of Cr(VI)

after 30-60 min. Cr(VI) adsorption was fast and reversible. Significant fractions

of Cr(VI) adsorbed on goethite, lepidocrocite, and A1203 whereas on Si02 and

clay minerals no adsorption could be measured.

The adsorption of Fe(II) on goethite, lepidocrocite, montmorillonite, and

kaolinite was characterized by a fast initial adsorption step (< 1 min), followed by

a slow further adsorption (Insets of Figure 7). Fe(II) could completely be

recovered from goethite after 15 min of adsorption and five days of desorption at
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pH 1 (100.2 %). The small fractions of adsorbed Fe(II) on Si02, goethite, and

lepidocrocite at solid phase concentrations of the reduction experiments were

determined by linear extrapolation from adsorption measurements at higher solid

phase concentrations (Figure 7, Table 4). Even with a conservative estimate of 1

active site per nm2, adsorbed Fe(II) occupied only a very small fraction of these

sites as shown in Table 4. Under these conditions, we can reasonably assume to be

in the linear range of Fe(II) adsorption.

Table 4

Fractions ofadsorbed Fe(II) and Cr(VI) on different minerals measured in the

absence ofthe redox partner atpH 5

Mineral Solid Cone.

[g/1]

f a

*ads Fe(II)ad/nm2 f b

ads

Si02 100 0.04 ±0.01 2.9-10"4 <0.03

10 0.004c 2.9-104 c

< 0.003
c

Montmorillonite 5 0.6 4.4-10"2 <0.03

Kaolinite 30 0.55 5.5-10"2 <0.03

Goethite 0.1 0.15

1 0.044d 9.1-10"2 d

Lepidocrocite 0.2 0.2

1 0.035
d

1.4-10"2 d

A1203 1 <0.02 <7.5-10"3 0.6

a

fraction ofadsorbed Fe(II) after ^ 1 min, [Fe(II)]tot = 60 yM
b

fraction ofadsorbed Cr(VI) after 30-60 min, [Cr(VI)]tot = 20 ]M
c

estimated by linear extrapolation from adsorption measurement at 100 gll
d
estimated by linear extrapolation from Figure 7
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Figure 7

Fractions ofadsorbed Fe(II) on different concentrations ofgoethite and

lepidocrocite measured atpH 5, afier 1 min. Insets: kinetics ofFe(II) adsorption

on 3, 4, 6, 8, and 10 gll ofgoethite and 2, 4, 6, 8, and 10 gll oflepidocrocite.
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7

Reduction of Chromium(VI) by Iron (II)

in a Contaminated Soil

Abstract

The remediation of certain Cr(VI)-polluted soils is quite urgent, especially if such

sites pose a threat to groundwater and drinking water resources. A possible

strategy is the treatment of the highly-contaminated hot spot in a soil washing

plant. This off-site procedure involves dispersion of the polluted material in

water, separation, and treatment of the contaminated fraction, e.g., by addition of

an appropriate reductant for the transformation of the toxic Cr(VI) to the rather

harmless Cr(III). The aim of the present experiments was to roughly simulate

such a remediation with simple batch systems. Aqueous slurries of a sandy,

alkaline, Cr-contaminated soil were treated with different amounts and forms of

Fe(II). The polluted soil contained 50 ug/g Cr(III) and 80 ug/g Cr(VI), of which

only 50 % were soluble in 1:1 suspensions. By addition of a threefold

stoichiometric amount of a Fe(II) salt, a complete reduction of the dissolved

Cr(VI) fraction was achieved, whereas about 20 ug/g of the insoluble Cr(VI)

could not be reduced to Cr(III), Sparingly soluble Chromate salts pose a difficult

remediation problem. The deposition of soils containing such compounds in a

waste landfill is only unproblematic as long as they are not mobilized.

Mobilization of Cr(VI) can occur under high pH conditions, e.g., caused by the
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disposal of alkaline demolition waste. Treatments with suspensions containing

oxalate or citrate in addition to Fe(II) did not improve the reduction of the

sparingly soluble Cr(VI) fraction. In the experiments with citrate, about 10 % of

the formed Cr(III) was dissolved, whereas in all other procedures, the products

ended up in the solid phase.

7.1 Introduction

In chromium-polluted soils, the natural reducing capacity of organic compounds,

iron(II), and sulfides (1) is often not sufficient to transform all toxic Cr(VI) to

the rather harmless Cr(III) (2). Since many Cr(VI) compounds are highly soluble

and mobile, they pose a threat to groundwater and drinking water resources (3).

Various remediation strategies are currently discussed with the aim to

lower the health and ecological hazards of Cr(VI)-contaminated soils. Palmer and

Wittbrodt (4) have evaluated several in-situ, on-site, off-site, and no action

scenarios such as the use of reactive barriers (e.g., Fe(0)- or Fe(II)-bearing solids

(5, 6)), soil solidification and stabilization, pump and treat remediation with or

without chemical enhancement, and excavation with removal to a waste landfill or

with subsequent treatment. Remediation strategies by which Cr(VI) is reduced to

Cr(III) must statisfy three important environmental criteria (1 ):

(1) The newly formed Cr(III) species should be inert to reoxidation, e.g.,

by Mn(III/IV) oxides. Dissolved Cr(III) hydroxo complexes are more rapidly

oxidized than organic complexes, soluble Cr(III) salts are more reactive than

sparingly soluble compounds such as (Cr, Fe)(OH)3, and aging and crystallization

of the solid phase further inhibit oxidation (7).

(2) The release of objectionable compounds should be minimal. The use of

leaf litter or compost as reductant for Cr(VI) leads to an often undesirable

increase of the DOC concentration. Pyrite and other sulfides release sulfate and

partially oxidized, S-containing compounds. Crusts of precipitated Fe(III) oxides,
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which are formed by application of the reductant Fe(II), may limit the

accessibility of Cr(VI) by clogging pores in the soil and of reductants by coating

their surfaces (e.g., surface passivation of iron filings in reactive barriers (8)).

(3) Redox and pH conditions of the treated material should be controlled so

that other metals or commingled pollutants are not mobilized. Pyrite, for

example, does not only decrease the redox potential, but also generates high

acidity. Many components of natural organic matter have good complexing

properties and can cause an unwanted mobilization of metals.

One possible strategy for the remediation of relatively small volumes of

Cr(VI)-contaminated soil is excavation with subsequent off-site treatment in a soil

washing plant, where a reductant such as Fe(II) is added to an aqueous slurry of

the contaminated soil fraction. The aim of the present laboratory experiments was

to roughly simulate an off-site remediation by treating suspensions of a sandy,

alkaline, Cr-polluted soil with different amounts and forms of Fe(II).

7.2 Experimental Section

Chemicals

All chemicals were at least reagent grade and were used as supplied (from Merck:

(NH4)2Fe(S04)2-6H20, NaCl, NaC104-H20, NaN03, potassium oxalate,

diphenylcarbazide, H2S04 95-97 %, HN03 65 %, HCl 32 %, Titrisol HCl 0.1-1 M,

NaOH 0.1-1 M, H202 30 %, from Fluka: CrCl3-6H20, Na2C03, K3P04, citric acid,

NaOH 32 %, acetone, from Baker: metal standard solutions). Solutions were

prepared with 18 MQ, water (Q-H20 grade Barnstead Nanopure).

Experiments

Cr(VI) reduction experiments were performed with 1:1 w/w suspensions of

contaminated soil in water. 500 ml polypropylene bottles containing 100 g of 4

mm-sieved, moist soil and 100 ml nanopure water or 100 ml citrate or oxalate
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solution were placed into a turn-over shaker with 45 minutes run, 15 minutes idle

cycles. Fe(II) was added as dry (NH4)2Fe(S04)2-6H20 salt after the first 45 minutes

turn-over cycle and the bottles were shaken vigorously by hand during 1 minute.

After 14 minutes sedimentation time, a sample of the supernatant liquid was

taken, immediately filtered (through a 0.2 urn Nylon arcodisc from Gelman), and

analyzed. A second sample was taken after 24 hours in the turn-over shaker. All

experiments were conducted in the dark at 23 ± 3 °C.

Soil Analysis

The dry weight of the soil was determined by a gravimetric method (drying at

105 °C until the weight remained constant (9), dry weight: 92.9 ± 0.6 %). Total

carbon and total inorganic carbon were analyzed with a Shimadzu TOC-

5000A/SSM-5000A. The pH was measured in 1:1 w/w suspensions of moist soil in

nanopure water.

The metals Ba, Ca, Fe, K, Mg, Mn, and Na were analyzed by ICP-OES

(Spectro) and Pb by ICP-MS (Sciex Elan 5000, Perkin Eimer). Total amounts

were measured after digestion with 30 % H202 and 65 % HN03 in the microwave

and dissolved concentrations in 1:1 w/w suspensions after filtration through 0.2

pm Nylon acrodiscs from Gelman.

Total Cr was measured with ICP-OES after H202/HN03/microwave

digestion. Total Cr(VI) was extracted with a heated carbonate/hydroxide solution

(0.28 M Na2C03 with pH 12.5) according to James et al. (10) and analyzed

colorimetrically with diphenylcarbazide (11).

Dissolved Cr(VI) in 1:1 w/w suspensions was measured by UV-VIS (and

multicomponent analysis (12)) or with the DPC method. For the determination of

total dissolved Cr (Cr(III) and Cr(VI)), a filtered sample was oxidized by addition

of NaOH (to 0.01 M) and H202 (to 0.15 %) and the formed Cr(VI) was measured

with direct UV-VIS. The method was tested with a solution containing 100 uM

Cr(III)Cl3 and 100 uM oxalate and yielded 102 uM Cr.
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The sum of adsorbed and dissolved Cr(VI) was determined after anion exchange

at natural soil pH. 1:1 w/w suspensions of moist soil in 0.01 M K3P04, 0.1 M

NaN03, 0.1 M NaCl, or 0.1 M NaC104 were shaken for 45 minutes in a turn-over

shaker and the filtrate was subsequently analyzed by direct UV-VIS.

7.3 Results and Discussion

Soil Analysis

Total and dissolved concentrations of chromium, several metals, and carbon are

listed in Table 1. About 60 % of chromium in the soil was hexavalent, of which

50 % was soluble in 1:1 suspensions after a mixing time of 45 minutes. Cr(VI)

concentrations extractable by P043, N03, CI", and C104 solutions were not

different from the water-soluble concentration, i.e., the fraction of adsorbed

Cr(VI) was negligible, which is reasonable for an alkaline, sandy soil. The

remaining, non-exchangeable Cr(VI) was probably present in form of sparingly

soluble Chromate salts.

The comparison of ion activity products with solubility products would lead

to the conclusion that the concentration of Cr042" is controled by PbCr04 or

BaCr04 rather than by CaCr04 (PbCr04: log IAP = -11.3 > log Kso = -12.6,

BaCr04: log IAP = -10.2 - log Kso = -9.9, CaCr04: log IAP = -5.7 < log Kso

= -3.2 (13)). However, the total concentrations of Pb and Ba were too small to

account for the insoluble Cr(VI) fraction (Table 1). It still could be that Cr(VI)

was associated with Ca, e.g., as mixed precipitate Ca(Cr04, S04) (14) which is

probably less soluble than pure CaCr04.

The soil did not show any signs of reduction as the concentrations of

soluble Fe and Mn were low. Organic carbon was below the detection limit,

essentially all C was inorganic.
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Table 1

Total and dissolved concentrations (in 1:1 wlw suspensions ofsoil in water) of

chromium, several metals, and carbon. pH(H20) = 7.60 ± 0.03.

Element Total concentration

per dry weight unit

Dissolved concentration % diss.

after 45 min mixing time

Cr 130.4 ±2.1 ug/g (n=8) * 665 + 20 uM (n=3) * -31 %

Cr(VI) 78.4 ± 3.5 ug/g (n=3) 648 ± 46 uM (n=6^ -50%

Na 0.23 ± 0.05 mg/g (n=12) 4.03 ± 0.12 mM (n=3} -47 %

K 2.3 ± 0.4 mg/g (n=12) 0.48 ± 0.06 mM (n=3^ - 1 %

Mg 4.2 ± 0.5 mg/g (n=12) 0.37 ± 0.02 mM (n=3} < 1 %

Ca 17.4 ± 4.0 mg/g (n=12) 3.29 ± 0.03 mM (n=3) - 1 %

Ba 44 + 6 ug/g (n=12) 0.113 ± 0.008 pM (n=3) < 1 %o

Mn 0.34 ± 0.03 mg/g (n=l 2) < 0.2 uM (n=3^ < 1 %o

Fe 10.0 ± 0.8 mg/g (n=12) 1.21 ±0.09uM (n=3) < 1 %0

Pb 12.4 ± 0.4 ug/g (n=3) < 0.02 uM (n=3^ < 1 %0

C 0.34 ± 0.04 % C (n=2) not measured

C inorg. 0.35 ± 0.04 % C (n=4) not measured

* standard deviations and number ofreplicates

Reduction of Cr(VI) in the Contaminated Soil by Addition of Fe(II)

The Cr(VI)-contaminated soil was treated with different amounts of Fe(II) in the

presence and absence of the ligands oxalate or citrate. The results of the reduction

experiments are summarized in Table 2. Fe(II) concentrations of 2 mM, the

equivalent for stoichiometric reduction of dissolved Cr(VI), were not sufficient to

remove all dissolved Cr(VI). Some Fe(II) was probably oxidized by 02 and/or

dissolved Cr(VI) was released from solid Cr(VI) phases.

A complete reduction of dissolved Cr(VI) was achieved by addition of 10

mM Fe(II). In these treatments, a part of the solid Cr(VI) fraction could also be
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reduced, but still 23 % of total Cr(VI) were not reducible. For the reduction of

one equivalent of Cr(VI), 10 equivalents of Fe(II) were consumed, i.e., about

three times the amount necessary for a stoichiometric reaction. The remaining

Fe(II) was apparently used up by 02.

Table 2

Cr concentrations in 1:1 wlw soil suspensions after reduction by Fe(II) (three

replicates). Total Cr(VI) concentrations per dry weight unit.

Reducing [CrVI]diss [CrVI]diss [Crm]diss [Crm]diss [CrVI]tot

agent 1 h, uM 24 h, uM 1 h, uM 24 h, uM 24 h, ug/g

no Fe(II) 648 ± 46 821 ± 37* 17 ± 50 n.m. 78.4 + 3.5

2mMFe(II) 390 + 55 446 + 37 < 3 uM n.m. n.m,

lOmMFe(II) < 3 uM < 3 uM < 3 uM < 3 uM 18.1 ± 1.1

302 ±47 354 ±50 < 3 uM n.m. n.m.

<3uM <3uM n.m. n.m. 21.5 ± 2.9

241 ± 22 303 ± 43 123 ± 29 139 ± 54 n.m.

2 mM Fe(II)

+ 5 mM Oxal.

10 mM Fe(II)

+ 5 mM Oxal.

2 mM Fe(II)

+ 5 mM Citr.

10 mM Fe(II)
<3uM <3uM 131 ±7 143 ± 6 26.6 ± 1.0

+10 mM Citr.

n.m.: not measured, * after 28 hours

Similar amounts of Cr(VI) were reduced in suspensions containing oxalate or

citrate and Fe(II). At the near neutral pH values, the ligands themselves were not

capable of reducing Cr(VI), but they were expected to have an influence on

kinetics, reaction pathway, and product formation (15). In fact, dissolved Cr(III)

compounds were found in the presence of citrate, whereas in the experiments with
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oxalate, all Cr(III) products ended up in the solid fraction. Cr(III) citrate is

probably more stable at high pH values than Cr(III) oxalate, similar to the

stabilities of the corresponding Fe(III) complexes.

The pH value in the soil suspensions decreased, depending on the amount of

Fe(II) added, by less than 0.8 units, probably due to precipitation of

Fe(III)/Cr(III) (hydr)oxides.

Conclusions

The simple batch experiments with aqueous slurries of a Cr-contaminated soil

were aimed to roughly simulate a remediation procedure in a soil washing plant.

The experiments have shown that dissolved Cr(VI) can be reduced to Cr(III) by

addition of a Fe(II) salt. The reaction occurs within 15 minutes, which is less than

the usual residence time of the polluted material in a soil washing plant. Because

of the competing oxidation of Fe(II) by 02, an excess of Fe(II) is necessary for a

complete reduction of dissolved Cr(VI), what is not of economical importance

since Fe(II) salts are quite cheap. The waste problem can dramatically be reduced

by the formation of essentially non-toxic Cr(III) and Fe(III) products, provided

that the risk of reoxidation of Cr(III) is minimal.

However, the experiments have also demonstrated that an insoluble Cr(VI)

fraction is more or less recalcitrant toward reduction by Fe(II). Under high pH

conditions, moderately-to-sparingly soluble Cr(VI) salts such as Ba, Ca, or Pb

chromâtes may be dissolved, e.g., if material with such compounds is deposited in

a landfill with alkaline demolition waste.

Soil washing is not a suitable procedure for the clean-up of large volumes

of polluted material. Furthermore, in loamy, clay-rich soils, diffusion limitations

can strongly impede a successful treatment. Efficient remediation strategies for

such cases are still necessary.
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8

Conclusions

8.1 Environmental Relevance

Redox Chemistry of Cr in Natural Systems

The kinetic and mechanistic studies of the present dissertation contribute to the

understanding of the redox chemistry of chromium in natural systems. The

importance of the various reaction pathways of Cr(VI) reductions by Fe(II) can

now be compared with other pathways of Cr(VI) reduction. Under conditions

typically prevailing in the environment and provided that sufficient Fe(II) is

present, uM concentrations of Cr(VI) will be reduced within seconds to hours. In

DOC-rich waters, e.g., in eutrophic lakes and wetlands, the redox processes likely

occur in solution leading to dissolved Cr(III) complexes. By contrast, surface

reactions are expected to dominate in most soils and sediments and yield Cr(III)

products preferentially associated to Fe(III) (hydr)oxides. In natural systems with

low Fe(II) concentration, the rate of Cr(VI) reduction is essentially determined by

the release of Fe(II), e.g., by the weathering kinetics of Fe(II)-bearing minerals,

the activity of Fe(III)-reducing microorganisms, or by photochemical production

of Fe(II) in surface or atmospheric waters.

Remediation of Contaminated Sites

The redox reactions of Cr(VI) with Fe(II) compounds are of interest in various

remediation strategies. Soil washing is an off-site procedure which involves

dispersion of the polluted material in water, separation, and treatment of the
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contaminated fraction, e.g., by addition of Fe(II) for reduction of Cr(VI). On-site

pump and treat operations are often used for the clean-up of Cr(VI)-polluted

groundwaters in porous aqufers. Further, the reactions studied in this thesis also

play a role in in-situ remediations such as the injection of Fe(II) directly into the

contaminated site or the installation of permeable, reactive Fe(0/II) barriers.

Treatment of Industrial Waters

The kinetic data and rate laws help to optimize the application of Fe(II) as

reductant in the treatment of Cr(VI)-containing industrial waste waters. The rate

of Cr(VI) reduction and precipitation of Cr(III)/Fe(III) sludges can be controlled

reasonably well, for instance by addition of an appropriate mineral and by

changing the pH.

Applications to Other Pollutants

The relative reactivities of different Fe(II) species (sorbed on minerals or

complexed by organic ligands) with respect to reduction of Cr(VI) are possibly

transferable to predict reduction rates of a number of other pollutants and

biogeochemically important compounds such as nitrobenzenes, halogenated

hydrocarbons, As(V), Se(VI), Tc(VII), U(VI), nitrate, or nitrite.

8.2 Outlook

Characterization of Cr(III) Products

The soluble Cr(III) compounds formed in the reductions of Cr(VI) by Fe(II)

carboxylates could be identified by capillary electrophoresis. Due to their kinetic

inertness, such Cr(III) complexes are quite stable, but their long-term behaviour

in natural systems is not well understood and should be investigated. A

characterization of the solid Cr(III) products formed in the experiments with

minerals was not carried out in this dissertation. Information on elemental
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composition, oxidation states, and crystal structure would be extremely useful to

assess important environmental properties of these compounds such as stability,

solubility, mobility, and susceptibility to reoxidation by manganese oxides. A

number of analytical methods have to be applied to study solids and surfaces, e.g.,

X-ray spectroscopy (EXAFS, XANES, XPS, HRTEM-EDS, SED-EDS), scanning

probe microscopy (AFM, STM), and vibrational spectroscopy (FTIR, RS).

Kinetic Studies

The present thesis contains quite a large set of kinetic data for Cr(VI) reductions

by Fe(II) in the pH range 4-7. For some environmental systems, it may be

necessary to extend the studies with organic ligands and minerals to higher pH

values. An important aspect is the influence of particulate organic matter which

probably accelerates the reduction of Cr(VI) by Fe(II), similar to dissolved

organic compounds. In heterogeneous systems however, particulate organic

compounds could also inhibit the redox process by coating of mineral surfaces.

Further, the reactivity of surface sites may be altered by strongly adsorbing

anions such as phosphate and by cations such as Ca which compete with Fe(II) for

sorption.

Remediation and Technical Applications

In addition to these suggested molecular studies, investigations on a more applied

level are necessary. For example, soils which are polluted with moderately-to-

sparingly soluble Ba, Ca, or Pb chromâtes pose a difficult remediation problem

since these salts are recalcitrant toward reduction by Fe(II). Methods are required

to efficiently reduce such Cr(VI) salts. Beside chemical aspects, physical factors

such as diffusion limitations in loamy, clay-rich soils can strongly impede a

successful remediation. Strategies to diminish these negative effects should also be

developed on a field scale. Of course, economical criteria play a substantial role

in a long-term cost-benefit evaluation of a clean-up procedure.
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