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ABSTRACT

Light-induced transformation in aqueous solutiomssaspensions/on soil surface is an
important degradation pathway for many pollutamtg enay result in efficiency losses. It is
well known that polycarboxylate-iron complexes #igh photoactivity species, which
could undergo rapid photochemical reactions undeight irradiation leading to the
formation of oxidative species and degradation afupants. Several polycarboxylate-iron
complexes such as Fe(lll)-oxalate, Fe(lll)-citrasephotocatalyst are well studied. Recently,
because of the widely used in the various areahagid concentration detected existing in
the environment, aminopolycarboxylic acids (APCAs)s aroused the scientists much
interests. APCAs may present behavior similar & ¢ polycarboxylic acid. The photolysis
of Fe-EDTA/NTA is studied by several authors. EDB®ne of natural occurring APCAs,
which has been proposed as a safe and environiyengalign replacement for EDTA for
environmental remediation products. EDDS could f@tnong complex with iron, and the
physicochemcial properties of Fe(lll)-EDDS have rbeeeported. However, the
photochemical process of Fe(lll)-EDDS is poor ustteyd.

Clay and iron oxide minerals are widespread inmeamdpossess particular structural and
surface charge characteristi€dlay and iron oxide minerals play an importarierim the
earth-chemical transformation and cycles of potitga involving in the adsorption,
hydrolysis, auto-oxidation and photocatalytical megrocesses in the environmemtie
clay and iron oxides minerals, either as activalgats or supports, have been widely used
as heterogeneous catalysts for the oxidation afrocgpollutantsiron is one of the elements
commonly found in the clay minerals and the maimponent in iron oxides. Carboxylate
could not only form complexes with soluble iron time clay and iron oxides mineral
suspensions, but also form surface complexes wi¢h structure iron in the minerals,
promoting the dissolution of the iron oxide in nmale under irradiation. In the same time,
the surface properties of minerals will be chandeed to the carboxylate-minerals complex
formation. In this work, we first introduce EDDSarthe clay (Natural Montmorillonite and
Montmorillonite KSF) and iron oxides mineral (Goéth and studied the photoactivity of
the EDDS-clay/iron oxides mineral system usin@-Estradiol (E2) as the model pollutant.

E2 is one of the endocrine-disrupting chemicals@&pand is well-known to exhibit very
potent estrogenic activity even at a very low comegion (~10 M, in vitro). Due to the

harmful effect of E2 and the widespread occurréndbe aquatic environment, people pay



more and more attention to the removal of E2 invthstewater. Several advanced oxidation
processes (AOPs) have been applied succesufullgxidation and mineralization of E2,
such as Ti@mediated photocatalysis, photo-Fenton catalytactiens, QUV process,
ozonation, electrochemical oxidation process. Hawewo reference reported using
EDDS-Fe(lll)/clay/iron oxides to degradation of &2der irradiation.

The objective of this work is to understand the tpbbemical process and the reaction
mechanism of E2 degradation in the presence of &gl Fe(lll)/clay/iron oxides-EDDS
complexes, which can produce basic knowledge tbhalkdcbe used to predict the fate of
organic pollutant in natural environments and &lspand the view of wastewater treatment.
Main experiment contents and conclusions of thesetlitation are as follows.

(1) In the first part of this work, the propertafsFe(l11)-EDDS was studied and the model
minerals (Montmorillonite KSF, natural Montmorillbte, Goethite) were characterized with
X-ray powder diffraction (XRD), X-ray fluorescen¢®RF), Transform infrared (FT-IR)
and Transmission electron microscopy (TEM), etce €Rperimental results indicated that
pH was an important parameter for the speciationFeflll)-EDDS. Under 365 nm
irradiation, the Fe(lll)-EDDS complexes at diffetgtd were easily photolyzed. During the
irradiation, the absorbance of Fe(lll)-EDDS\at 240 nm decreases faster at lower pH, but
it seems that at higher pH, there are more newiepdormed in the solution. The iron
contents in the form of @3 existing in the KSF, NM, Goethite are 4.76%, 4.28%0%
respectively. But the amount of free iron ions @ tminerals was in the order: KSF >
Goethite >NM. The BET surface area of the minenase Goethite (71 ing™?) > NM (32
m® g') > KSF (5 nf g%). The isoelectric points (PI) of KSF, NM, Goethiseabout 5, 2 and 4
respectively. The acido-basic properties of théaserof the three solids are rather different.
Indeed, once in suspension the solid modified tthation pH. Values of 7.7, 9.0 and 3.7 are
respectively measured for Goethite, NM and KSF. Ghéee different properties of the
minerals help understand the photochemical proakettee EDDS-minerals systerm.

(2) The quantum yield ofOH and the degradation of E2 in homogeneous irredlia
Fe(ll)-EDDS system was investigated. For the ftiste, the quantum yield 6OH was
detected by photolysis of Fe(lll)-EDDS. The quantyigid of ‘OH was independent of the
concentration of Fe(lll)-EDDS. Lower wavelength arigher concentration of QJavored
the quantum yields ofOH. The quantum yield ofOH radical formation was higher at
higher pHs between 3.0 and 9.0. This result iSqadairly interesting in terms of the natural
environment. Correspondingly, E2 could be photodégd by the photolysis of



Fe(ll)-EDDS, which is influenced by the concenwatof Fe(lll)-EDDS, pH, @ and the
concentration of Fe(lll). The Fe(lll)-EDDS complexould be of importance for the
transformation of organic compounds in the envirentrdue to its higher photoactivity at
pHs more relevant to the environment. The reactaia constants withOH of E2 and
EDDS were also measured to be 6.7W0's* and 2.0x1&M™s? respectively. Although
the reaction rate constant af>2konis about ten times higher than theks .on, due to the
ten times higher concentration of EDDS used that tf E2 in our experiments, the
competition between EDDS and E2 reacting wiH should not be ignored. Several
photoproductions was detected by LC-MS. The phatation mechanism was deduced
in this work. Attacking by Hydroxyl radical was tinght to be the main degradation pathway
of E2.

(3) The quantitative determination o®H radicals in the Montmorillonite suspensions
under irradiation of a 250 W metal halide lamp>(365 nm) was investigated for the first
time. Low pH value facilitated the formation of hgatyl radicals in the pH range of 2.0 to
10.0. The OH concentration increased with increasing the enfration of Montmorillonite
in aqueous solutions in the range of 0 to 20.0'gHigher concentration like 25.0 g'lof
Montmorillonite inhibited thé OH production. Iron, predominantly free iron in ttlays, is
believed to be one of the most important factoterdeining”OH formation. Structural irons
in Montmorillonite have also contributions 1©H formation but especially in the presence
of carboxylate ions. The formation @H from Montmorillonite under irradiation of near
UV and visible light indicates that clays might yplemportant role not only in transfer
through adsorption but also in transformation tiglowxidation of organic compounds on
the surface of clay particles in air, water, soiewen top sediments.

(4) The adsorption and photocatalytic degradation m®ad E2 in the suspension of
Montmorillonite KSF, Natural Montmorillonite (NM) el Goethite were studied. The
adsorption of E2 on the minerals is fast and wédie results followed the Langmuir
equation in the KSF and Goethite suspensions, &edFreundlich equation in NM
suspensions. EDDS influence slightly the E2 adsmmpon the minerals. However, the
influence of E2 adsorption on the degradation sagas not found. The E2 degradation
rate was influenced by the concentration of mirseeeadd pH. The degradation of E2 was
decreased with increasing the pH and in the basithpre was almost no E2 degradation.
The optimal pH for the E2 degradation was arou@dr8all the three minerals. The results

indicated that the iron in the minerals was invdlve the photocatalytic process.



(5) The photocatalytic degradation process of Efhan suspension of Montmorillonite
KSF, Natural Montmorillonite and Goethite in theepence of EDDS were studied. In these
three minerals-EDDS suspensions, the degradatiorEadfsignificantly increased at
near-neutral pH and basic pH (pH 5.0 to 9.0). Gnadbntrary without EDDS, the optimal
pH is limited in the acid pH (3.0 to 4.0). The dadmtion kinetics of E2 follows the
Langmuir-Hinshelwood rate law in all the three male-EDDS system. Small amount of
minerals is enough to get good degradation effayren the presence of EDDS, i.e. KSF 0.1
g LY, NM 0.1 g L'* and Goethite 0.1 g't. The concentration of EDDS is a very important
factor influencing the efficiency of E2 degradatiddDDS plays an important role for
keeping ferrous iron soluble at cirumneutral pH dhd photochemical process of the
minerals-EDDS can continue. During the E2 degradateDDS also is degraded. Oxygen
is a very important factor that affects the phogpddation of E2. Oxygen takes part in the
photochemical process in such system. Without axytde hydroxyl radicals barely could
be formed. After adding 2-propanol into the suspemshere was almost no E2 degradation,
indicating that the main degradation pathway ofA&2 the reaction wittOH. Thus all these
results show that the concentration of mineralsED®S, solution pH and oxygen must be
taken into account as major parameters to imprbeeefficiency of the mineral-EDDS
photochemical process.

Based on the above results, EDDS-Fe(lll)/minerateays are effective photocatalysis
system for the removal of the organic pollutantshe Tmost specialties of the
EDDS-Fe(lll)/mineral photochemical system are thégh photocatalysis efficiency in the
neutral pH range, even in the basic pH. And irbe,rhinerals and EDDS widely exist in the
nature environment. Thus, they are promising wayshe removal of the contaminations in

the nature aqueous environment.
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I-Introduction

Clay and iron oxide minerals are widespread in neatuindpossess particular structural and
surface charge characteristiéds abundant environmental friendly raw materithey are
used in various areas, such as industry, agri@jlt@engineering and construction
applications, environmental remediation, and gepldyese uses depend on one or more of
the unique properties of the minerals. Moreoverthasimportant components in the soill,
atmospheric aerosols, the suspended particle @&raatd the sediments, clay and iron oxide
minerals play an important role in the earth-cheiiansformation of pollutants, involving
in the adsorption, hydrolysis, auto-oxidation artbtocatalytical redox processes in the
environment.

In recent years, the photoactivity of the clay and oxides minerals has attracted a great
interest among the researchers. The clay and xae® minerals, either as active catalysts
or supports, have been widely used as heterogeroataigsts for the oxidation of organic
pollutants. Research of clay and iron oxides misepnotochemical detoxification has
mainly focused on three types: (1) raw mineralstptatalysis; (2) Photo-Fenton-like
reaction; (3) other modified clay/iron oxides phztalysis. Much attention has been paid to
the photo-Fenton-like reaction and the modifiedy cfdnotocatalysis due to their high
photocatalytic activity as well as their prospeetapplication to wastewater detoxification.
As far as we know, there are few studies concermavg clay photocatalysis and the
mechanism is unclear.

Iron is the most abundant transition metal in thethés crust. Iron is present under a
variety of forms in water ranging from soluble wlloidal and particulate species. Most of
the iron in natural waters exists in the form afdtuble ferric oxides and (hydr)oxides. The
concentration of dissolved iron is very low and trafshe dissolved iron is associated with
strong organic ligands in natural waters. Polycaytades such as citrate, malonate, and
oxalate are common constituents of precipitatiag, fsurface waters and soil solutions.
Polycarboxylates can form strong complexes witfi Bad enhance the dissolution of iron
in natural water through photochemical processe®rebver, such polycarboxylate
complexes undergo rapid photochemical reaction®mugdnlight irradiation leading to the
formation of oxidative species and degradationadiupants.

Aminopolycarboxylic acids (APCAs) may present bebavsimilar to that of

polycarboxylic acid. Aminopolycarboxylic acids hawe ability to solubilize and inactivate



metal ions by complex formation. For that reasdweytare used in a wide variety of
domestic products, industrial applications and soil remediation.
EthylenediamineN,N'-disuccinic acid (EDDS) is one of natural occurridgP?CAs.
EthylenediamineN,N'-disuccinic acid (EDDS) is a structural isomer &', and exists as
three stereo isomers, namely [S,S]-EDDS, [R,R]-ERDS& [R,S/S,R]-EDDS. Among them,
[S,S]-EDDS is readily biodegradable. Recently S[HEE5(SS-ethylenediaminedisuccinic
acid) has been proposed as a safe and environtyemeaign replacement for EDTA for
environmental remediation products as it is alstr@éng complexing agent.

Iron is one of the elements commonly found in tlag eninerals and the main component
in iron oxides. Carboxylate could not only form qaexes with soluble iron in the clay and
iron oxides mineral suspensions, but also formas@itomplexes with the structure iron in
the minerals, promoting the dissolution of the ioxde in minerals under irradiation. In the
same time, the surface properties of minerals Wik changed due to the
carboxylate-minerals complex formation. Thus, idtroing the carboxylates into the clay
and iron oxides minerals would have an importarituemce on the degradation and
transformation of pollutant.

17B-Estradiol (E2) is a well-known naturahdocrine disrupting compounds (EDJS? is
also of major concern as environmental contamimtrg to the very potent estrogenic
activity even at very low concentration (<1M, in vitro). E2 is produced and released into
the environment by humans, livestock, and wildlltenas been detected in several sewage
treatment plants (STP), surface water and grouretwdh addition, most of the E2
concentration detected in these waters is high gimow exist harmful effect to human and
wildlife. Due to the harmful effect of E2 and thedespread occurrence in the aquatic
environment, people pay more and more attentiashéaemoval of E2 in the wastewater.
Advanced oxidation processes (AOPs) have been thdodpe the most efficient method for
oxidation and mineralization of E2. Several AOPsehleen studied and applied for the
treatment of E2, such as THediated photocatalysis, photo-Fenton catalytactiens,
O3/UV process, ozonation, electrochemical oxidatioocpss.

The objective of this work is to understand the tpbbemical process and the reaction
mechanism of E2 degradation in the presence of hgld Fe(lll)/clay/iron oxides-EDDS
complexes, which can produce basic knowledge tbaldcbe used to predict the fate of
organic pollutant in natural environments and alspand the view of wastewater treatment.

In the first part of this work, the properties af(Hl)-EDDS was studied and the model



minerals (Montmorillonite KSF, natural Montmorillbte, Goethite) were characterized with
X-ray powder diffraction (XRD), X-ray fluorescen¢¥RF), Transform infrared (FT-IR)
and Transmission electron microscopy (TEM), etc.

Secondly, the quantum yield @H and the degradation of E2 in homogeneous intedlia
Fe(ll)-EDDS system were investigated. The maintdes; Fe(lll)-EDDS concentration,
irradiation wavelength, oxygen, and pH were studigte reaction rate constants witdH
of E2 and EDDS were measured by competition kisetith 2-propanol.

Thirdly, the formation of OH in the Montmorillonite suspensions under irréidiawith a
250 W metal halide lamp.¢& 365 nm) was quantitatively determined. The degradaf
E2 in heterogeneous irradiated Montmorillonite KSRatural Montmorillonite,
Goethite/EDDS system are presented. The effect ofemal concentration, EDDS
concentration, pH, oxygen, 2-propanol, initial Efhcentration on the E2 degradation were
investigated. During the irradiation, except thenaantration of E2 was detected, the

concentration of EDDS and iron were also followed.
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A-Clay and iron oxide minerals in the environment

A-1 Properties of clay and iron oxides

A-1-1 The structure and properties of clay

Clay minerals are ubiquitous in soils, sedimentsiospheric aerosols in the troposphere
(Spositoet al, 1999; Thomas, 2005). Clay minerals have beerednand well known to
humanity as the raw materials used to make Chipasxelain since the Stone Age. But until
the early 20th century, people start to researaly olinerals consciouslyrRecently, they
have gained much more attention and renewed inteoes science and academia as well as
industry for their unique and interesting propex{i8hichi and Takagi, 2000).

Clay minerals ardayer-typephyllosilicates, with particle dimension smalleath2 pm
which is the colloidal size range (Zen and Kum&04). The aluminum(lll) cations are
bonded to an octahedral arrangement of oxygen snRepetition of these AKunits in
two dimensions forms an octahedral layer. Likewssstrahedral layer is formed from QIO
silicate units (Laszlo, 1987).etrahedral (T) and octahedral (O) sheets are awedbio
create TO or TOT layers, which are separated bytanlayer space. Each layer has a net
negative charge, which is compensated by exchatgealions placed in the interlayer
space (Mashlaat al, 2009).Clay minerals are classified not only by the ddfeces in their
layered structures but also by the types of sultett metals, amounts and kinds of
exchangeable ions within the interlayer, and thpurties present. The Classification of
clay minerals is shown in Table I1I-A-1.

Montmorillonite is one of the minerals in the snitectype. The chemical composition of
Montmorillonite consists of high amount of $iA\1,03, H,O and small amount of K@,
CaO, MgO, KO, MnO, FeO, TiQ P,Osand so on. The layer structure of Montmorillonite
consists of two silica tetrahedral sheets and amiala octahedral sheet, as shown in Figure
[I-A-1. Stacking of the layers of around 1 nm thmeks by a weak dipolar force leads to
interlays between the layers (@nal, 2005). The interlayers are occupied by exchdnlgea
metal ions (e.g. Na K*, C&*, Mg®"), neutralizing the net negative charges which are

generated by partial substitution ofAlvith Mg?* at the octahedral sites. It is well known



that Montmorillonite particles carry two kinds déetric charges: a variable (pH dependent)
charge resulting from proton adsorption/desorptieactions on the surface of hydroxyl
groups and a structural negative charge resultmmg isomorphous substitutions within the
clay structure (Liu et al, 2008). The OH groups d&datoms on the broken edges of
Montmorillonite hydrolyze and form Lewis acid ores base functional groups that are the
sources of the pH-dependent charge. The substitafie€* and Mg+ atoms for Af* in the
octahedral layer creates a positive charge defgiiing to the overall structure a net
negative charge. The isomorphic substitution isdhgin of the permanent charges that
exist on the surface of Montmorillonite. The pddisize of Montmorillonite is about
0.2-1um and has specific areas of the order of 56§ msometimes as high as 766gh
(Odom I.E. 1984). Due to the so small crystals adninorillonite, they may remain
suspended in the liquid indefinitely, so that daidl state is attained. The ability to impart
high viscosity and to develop thixotropy is unigpeoperties of naturally occurring
Montmorillonite. As a consequence of the negatiweptial and a specifically large surface
area, Montmorillonite has very important cation@gsion, cation exchange, intercalation
and swelling properties (Pinnavaia 1983). Montnhamite has a large cation exchange
capacity. The cation exchange capacity (CEC) ddtiredly pure Montmorillonite ranges
between 70 and 130 meg/100 g. The intercalatiopepties of clay minerals as host
materials can construct organically modified lagewrface of clay minerals. Now, the
scientists have understood these properties of idomiionite better. They focus their
research on the modification of Montmorillonitegmve the activity of them and expand

the application of them in the industry, agricuétand environment.



Table II-A-1 Classification of clay minerals (Shich and Takagi, 2000)

Clay Tdeal composition Mag:(Moc)Miste) 01 (OH) 08

Layer type

Schematic structure®

L1
Kaolinite group (charge density ~ 0 per nmt)

Eaolinite (Alz)(51)05(0Hy) Dicctahedral W E E
Halloysite (Al2)(5i2)05(0Hs)-2H20 Dioctahedral o ae .,
EERy=h

Serpentine group (charge density ~ 0 per unif) J —
Serpentine (Mzg)(514)010(0H)g Tricctahedral o/ kaolinite

serpentine
21 -

Pylophyllite group (charge density ~ 0 per unif) B

Pyrophyllite (Al2)(5i4)01p(0H); Dioctahedral
Tale (Mg3)(Sis)Ora(OH)y Trioctabedal ﬁ 3

Smectite group (charge densifty: x ~ 0.2-0.6 per vait)

Montmerillonite M (Al Mg, )(55)01p(OH);-uH,0 Dioctahedral )

Beidellite M;(AlL)(Sis-r Al )01 (OH); nH; 0 Dioctahedral

Noatronite M (Fer” )51 AL )O15(OH)z-nH20 Dioctahedral E
Saponite M (Mz3)(545 ;AL )O1p(OH}-nH20 Trioctahedral e
Hectorite M (Mg3_Liz )(544)019(0H); nH2 0 Trioctahedral moes #

Venmiculite group (charge density: x ~ 0.6-0.9 per unit) E
Dioctahedral vermiculite M, (Al Fey® )81y AL )010(0H) nH, 0 Dioctahedral =
Trioctabedral vermiculite My (Mg3)(54 ¢ Al )O1p(OH)p-nH20 Trioctahedral

Mieca proup (charge density: x ~ 0.6-1 per umt) E
Mica (muscovite) K{AL){55:AN0,(0H); Dioctahedral o] o
itite Ky (Al )51y Al )O10(0H), Dioctahedral — |2
Biotite K[(Mg, Fe'*)(Fe’*, AL T0)](St. Aly059(0H) Tnoctahedral l

Chlorite group E
Cookeite [LiAL{OH)s][(AL)(S13A015(OH)z ] Dioctahedral O
Clinochlore [Mz:Al (OH)g)[(Mes)(5i: Al)0q(0H):] Trioctahedral I
Chamosite [FesAl (OH)s][(Mz3)(513A1010(0H)] Trioctahedral E -

Channel type
Sepiolite My a0y My ;)

Si1a-x M, 1)030(0H)4(0H; )4-8H,0 -
(11_1 1 )03l }4i‘ 24 M= M
Palygorshite M o nMEsy My ) |

(Sig—xM;**)020(OH}(OHy)4 4H,0

# My intercalated metal cations; My cations occupying octahedral position;: Miers: cations occupying tetrahedral position.

B[ tetrahedral sheet; [T octabedral sheet, m: OH surface; ©: HaO: @: interlayer cation.
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Figure 11-A-1 Crystal structure of Montmorillonite

A-1-21ron in clay minerals

Iron is one of the elements commonly found in tlag eninerals. As we all know that the
iron in the natural environment plays a centrakeral many biological and chemical
processes. Iron present in the clay also plays atgmrtant role, being active sites or
enhancing the reactivity of the clay surface in ynanocesses, especially the redox and
photocatalysis processes (Cheagical, 2008). Iron in the clay minerals is presenthiree
different chemical environments within the clayusture and at the mineral surface (Figure
lI-A-2): (1) interlayer iron cations that balandeetnegative charges of the clay layers, and
are exchangeable with other cations; (2) structwoad that substitutes aluminum in the
octahedral lattice; (3) iron complexed by surfagérbxyl groups on the edge of a clay sheet
(complexed iron) (Songt al,, 2006; Gates and Slade, 2002) Different kindslaf minerals
contain the different content and oxidation stafeiron in the different chemical
environments. For example, Montmorillonite usuaibntains structural iron to an extent of

about 3% by weight compared to about 20% or mof¢antronite.



O Oxygens @ Aluminum, iron, magnesium
© Hydroxyls oe Silicon, occasionally aluminum
mmmm  surface complex with iron

«uumr  Structural iron
------ ion exchangeable iron

Figure 11-A-2 The chemical environment of iron in 21 clay

Iron in clay minerals may play different roles undifferent nature and experimental
conditions. The three different types of iron specmay exhibit different reactions in a
chemical process. Structural and surface-bound)Faf(clay minerals is known to play a
significant role in reductive transformation of ngareducible pollutants, such as chlorinated
compounds, nitroaromatic compounds (NACs), chronfildin technetium(Vl),
uranium(VI1), oxamyl and related carbamate pestgi#eiegman-King and Reinhard,1992;
Hofstetteret al, 2003;Buerge and Hug, 1999; Amonette, 2003). Tagbal (2000) found
that reduced ferruginous Smectite (sample SWaselb)aes Ct* to Cr** with an efficiency of
79% of the idealized 1:3 ratio of €educed to structural Feoxidized. Hofstetteet al
(2003) investigated the accessibility and reactiat the three types of Fe(ll) species in
suspensions of two different clay minerals contajreither ferrous iron-bearing Nontronite
or iron-free hectorite. It was found that the NA@=re reduced to anilines by both structural
and surface iron species, while the interlayer argleable Fe(ll) ions did not contribute to
the reduction of NACs. The Iron-bearing clays haegen found to be active heterogeneous
Fenton catalyst§~eng, 2004 It is believed that the iron species in the giéay also very
important role in the photocatalysis reactions e degradation of organic pollutants.
Chenget al (2008) found that the iron species in layereg<lare active for catalytically
oxidizing synthetic dyes with #, under visible irradiation and the reactivity oethon
species greatly depends on their chemical envirotendhe exchangeable interlayer iron

ions in the clay exhibit much better ability toasgize the mineralization of malachite green
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(MG) than the structural iron. The addition of figre ligands of iron ions in clay
suspensions could accelerate the degradation otii€xo the enhancement in the electron
transfer between the dye and the structure Fe@thget al. (2006) examined the reactivity
of iron-bearing clays to catalyze the decomposit@dnhydrogen peroxide under light
irradiation. It was found that free iron oxides olay surface efficiently catalyzed the
decomposition of KD, under UV light irradiation but structural irontine octahedral lattice
showed poor reactivity. The simple pathways ofOpH decomposition catalyzed by
iron-oxides and structure iron in clay shows inesok II-A-1. Wuet al. (2008) detected the
formation of hydroxyl radicals in Montmorilloniteuspensions under irradiation. They
found that iron, predominantly free iron in theydais one of the most important factors
determining'OH formation. Structural irons in Montmorillonitee contributions toOH
formation, especially in the presence of carboxyians. Although the reactivity of iron
species in the clay has been attracted much mtmetian no matter in the redox processes
or photocatalysis processes, the mechanism isistilVery clear. Much more work need to
do.

lemrcaum b]JLLICS Structural Fe (1) / Fe (111) oxides *OH efe — H,0, ere
UV irradiation
Phowredatwe species
Photoreactive spcms Structural Fe (I1) /- Surface Fe(1l) H,0,

Scheme lI-A-1 Pathways of HO, decomposition catalyzed by iron-bearing clay (Wt al.,2008)

A-1-3 The structure and properties of iron-oxides

The iron oxides are a class of minerals produceith&yghemical interaction between Fe and
O and/or OH. Iron oxide minerals are widespreachature, appearing in soils, rocks,
sediments, atmosphere, fresh and salt water syst€mmell and Schwertmann, 2003;
Banfield and Zhang, 2001). Iron oxides in the natexist as oxides, hydroxides, or
oxyhydroxides. There are about fourteen iron oxithed have been recognized in nature,
they are shown in Table 1I-A-2. The iron oxides Icdoe transformed from other iron oxides
by heating. The basic mineralogical structure ofioxides is an octahedron, in which each
iron atom is surrounded by O and OH ions (Schwemtimend Cornell, 1991). Most of iron
oxides are often in the size range of clay pagi¢less than 2 um), so they occur as dust in

11



the atmosphere and as colloids in aqueous solutloms oxides have a high affinity for
anions such as ASQCQ;, CI, PG  and the iron in iron oxides could be partly repthby
other cations such as A| Mn**, CF*, V**, zn**, C#*, Co® (Cornell and Schwertmann,
2003). Iron oxides could absorb light 200-800 nrd have an optical band gap of 2-2.5 eV.
Most of them have semiconductor properties and tb@m behave as photocatalysts
(Mazellier and Bolte, 2000). Iron oxides can besdiged by reaction with various
combinations of protons, organic and inorganicrigg and reductants upon illumination or
not (Stumm, 1992). Once dissolved, iron may stagointion if it is complexed with organic
ligands with a high affinity for iron, or reprecipie. According their properties and
widespread in nature, they play a vital role iraaety of chemical and biological processes
in aquatic and edaphic ecosystems and have widely i industry, art pigment and sources
of iron for steel production.

Table II-A-2 The iron oxides in the nature

Oxide Name Formula
Oxides Woustite FeO
Hematite a-Fe03
B- FeOs
Maghemite v- F&O3
e- FeOs
Magnetite FeO,
Hydroxides Bernalite Fe(OHl)
Iron(Il) Hydroxide Fe(OH)
oxyhydroxides Goethite a- FeOOH
Akaganéite - FeOOH
Lepidocrocite y- FeOOH
Feroxyhyte o- FeOOH
d'- FeOOH
Ferrihydrite FeHOg-4H,O

Goethite ¢-FeOOH) was studied in this thesis. It is one & thost thermodynamically
stable forms of iron oxides and plentiful in thetba crust. The structure of Goethite
consists of double bands of edge-sharing F©8); octahedra, with the double bands

linked by corner-sharing to form spaces crossethymrogen bridges, as shown in Figure
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[I-A-3. The other main properties of goethite weh®wn in Table II-A-3 (Schwertmann and
Cornell, 1991). Previous works have explored abiatid biotic reduction of goethite (Lat
al., 2001; Donget al, 2003), organic compounds and metal adsorptiagoethite (Yost and
Anderson, 1984; Nowack and Sigg, 1996), dissolutibgoethite (Wiederholédt al, 2006;
Houben 2003), transport and conversion of chensigaties by goethite (Chwt al., 2006;
Chunet al, 2005; Amonetteet al, 2000; Lu 2000), and synthesis of the thermodyoam
energies of goethite (Rarida and Das, 1996, LalsrtyNavrotsky, 2005). In this work, the

photoactivity of goethite is studied.

Figure 11-A-3 The structure of Goethite (Dots represent H atoms)

Table 1I-A-3 General properties of Goethite

Goethite
Formula a- FeOOH
color yellow
Solubility product (pFe + 3 pOH) 43.3-44.0
Standard free energy of formatiaa@; (kJ -489
mol ™)
Particle size <1pum
shape acicular
Specific surface area 20-3C gt
Density 4.26 g ci
Crystal structure orthorhombic
Unit cell dimension(nm) a=0.4607, b =1.254, @.307
Formula units/unit cell 4
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A-2 Photochemical behavior of clay and iron oxide merals

As we mentioned above, clay and iron oxide mineaals widespread in the natural
environment and possess particular structural amfhee charge characteristics. So, they
play an important role in the transformation ofamig molecules in the aquatic and edaphic
system. In recent years, the high photoactivitythaf clay and iron oxides minerals has
attracted a great interest among the researchleescl@ly and iron oxides minerals, either as
active catalysts or as supports, have been widedg las heterogeneous catalysts for the
oxidation of organic pollutants. Research of clag &on oxides minerals photochemical
detoxification has mainly focused on three typely: raw minerals photocatalysis (2)
Photo-Fenton-like reaction (Clay/iron oxide minefdNV/H,O, or carboxylate) (3) other
modified clay/iron oxides photocatalysis. We wiltrioduce these applications of clay and

iron oxides as photocatalyst in detail below.

A-2-1 Raw clay and iron oxides photocatalysis

The reports about the clay and iron oxides useldeterogeneous catalysts alone are very
limited. Katagi (1990) investigated the photodegtamh of the organophosphorus fungicide
tolclofos-methyl (I) on kaolinite and Montmorillaei solid surface under the irradiation of a
500-W xenon lamp. He found that photoinduced oxidation lofvas the dominant
degradation pathway on the clay minerals. The hyahmoperoxide was detected on the
irradiated clays. The active oxygen species foromativas suggested by the following
reactions:

O, +clay OM- O, + (clay) (1)

0, + H,O — HO,' + OH (2)

HO," + H,O — H,0, +°OH (3)
Katagi (1993) examined photodegradation of the thyoed insecticide esfenvalerate (l) in
clay suspensions (kaolinite and Montmorilloniteth a xenon lampX > 290 nm). The
results showed that the suspended clays slighttglaated the photolysis rate with a
significant epimerization at the benzyl carbon td form the (& aR)-isomer (II).Hydroxyl
radical was generated by exposure of the suspestagsito UV light and participated in the
formation of the desphenyl derivative of I. It waisggested that the clay surface played a

significant role in the photoproduction of hydroxgdical and that the different ways of
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adsorption of ito each clay might control photoreactions on thé#ases. Miller and Zepp
(1979) reported that suspended clays could enhtlmecehotolysis rate of a chemical via
efficient light scattering. Our group has done sosystematic work to study the
photoactivity of the raw clays and the mechanishe @egradation of Orang Il/ chloroform/
phenol/ Bisphenol A in Montmorillonite KSF (KSF)spensions under irradiatioh € 365
nm) were investigated (lat al, 2008; Liet al, 2010; Liuet al, 2008a; Liuet al, 2008b).
We found that for all the pollutants, high efficagnof the photodegradation was achieved
and the degradation of the organic pollutants is ttuthe oxidation by hydroxyl radical
formed in the KSF suspensions. The photodegradatasgreatly influenced by the KSF
concentration, the pH of the suspensions and teerption of pollutants on the KSF surface.
The optimal concentration of KSF for the degradatborganic pollutants changed with the
different experimental condition. Normally, thegH of the KSF suspensions is favor for
the degradation of organic pollutants, which is ttumore iron dissolved in the acid pH and
the high photoactivity of the iron species (Fe(®MHat pH 3 (reaction (1) ). The high
amount of hydroxyl radicals formation in

Fe (OHF OM- Fe*+OH (1)

agueous KSF suspensions were also determined ariceghiron ions in KSF were thought
to be the main source of the hydroxyl radicals.f&on the above researches of the clays as
photocatalyst, we can see that although they areeprthat the raw clay could be a high
efficient photocatalyst, the mechanistic analy$igtmtodegradation by clays has just begun,
and they are still remain many issues to be ctatifKatagi, 2004).

Most of the iron oxides have semiconductor propsrand can behave as photocatalyst
though a very efficient positive holes-electronsorabination takes place (Leland and Bard,
1987). The photochemical process of iron oxided whie strong electron donors such as
S(IV), benzoate, oxalate or dissolved organic cashie well known (Voelkeet al, 1997;
Waite and Morel, 1984). But only a few papers waublished related to the degradation of
pollutants by iron oxides without any strongly affsa organic materials. Mazellier and
Bolte 2000, studied the oxidation of 2,6-dimethypbl with the system goethite/UV and
concluded that the process proceeds without aeyviention of OH radicals. The substrate
being oxidized by the positive holes formed on sheface of the irradiated goethite. The
pathway of 2,6-dimethylphenol degradation is shawrigure [I-A-4. Andreozziet al
(2003) investigated the photooxidation of 2-amirapdl in aqueous solution in the
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presence of goethite at different pH (3.0 — 8.@) eatalyst loads (100 - 500 mg'L Also
the intervention of OH radicals in the photodegtaafeof 2-aminophenol has been ruled out.
The dependence of the system reactivity has beendféo be strictly correlated to the
capability of the substrate to adsorb on the catayrface. Wangt al (2009) studied the
photodegradation of polycyclic aromatic hydrocabdi?AH) by several iron oxides
(0-FeOOH,a-Fe0s3, y-Fe,03, y-FeOOH). The results showed that using these ixates as
photocatalyst, the photodegradation of PAHs wastdulee oxidation by hydroxyl radicals,
which was shown in the following reactions:
Iron oxides + h— e +h" (1)
H,O +hH— H +'OH (2)
0, +€— 0,  (3)
0O,” +H - HO, (4)
2 HG, — H0, +O, (5)
H,O, +¢ — OH +'OH (6)
PAHs +"OH — degradation products (7)
Chartterjeect al (1994)attributed the degradation of phenol by colloidel®; suspension
to the formation of hydroxyl radicals. However, stoong evidence has been put forward in
this study for the initial mechanism of pollutarggdadation. For the previous studies, we
can see that the photoinduced pollutant degradaicarring on the iron oxides is mainly
through a semiconductor photocatalysis. And phajcatiation of pollutant by the positive
holes formed on the surface of the irradiated iosides or by the OH formed mainly

depends on the chemical properties of the pollatant
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Figure 11-A-4 Pathway of DMP degradation at the suface of goethite (Mazellier and Bolte, 2000).

A-2-2 Heterogeneous Photo-Fenton-like catalysis

Photo-Fenton reaction as one kind of advanced t&idéechnology (AOT) has been paid
more attention over the past several decades (Wjahind Amaranth, 1982; Sun and
Pignatello, 1993; Lt al, 1999). The Photo-Fenton reactions involve in gegneration of
reactive radicals, notably hydroxyl radical®) that are highly oxidative and capable of
decomposing a wide range and variety of organicpmamds owing to their high oxidation
potential (& = + 2.80 V) (Ramireet al, 2007). The formation of hydroxyl radicals and th
regeneration of P& by photoreduction of B& in the photo-Fenton reactions may be
expressed by the following equations:

FE +H,0, — Fe"+'OH +OH (1)

H0, OM=20H (2)

Fe (OH)* O™ Fé*+'0OH (3)

The homogeneous Photo-Fenton reaction has succeeddtk treatment of organic
pollutants in waste water under both UV and visiligdt irradiation in acidic solution
(Balmer and Sulzberger, 1999; Wual, 1999; Huston and Pignatello, 1996). However, the
homogeneous photo-Fenton reaction has two drawbélks is limited to acidic pH range
and the optimum pH is 2.5 - 3.0, so it is diffictdtapply the homogeneous Fenton process

to in situ environmental remediation. (2) After theaction, a high amount of ferric
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hydroxide sludge was produced, creating disposdl aher problemgLi et al, 2004.
Therefore, to overcome such drawbacks and to sgizéheeusable catalyst, many efforts
have been made to develop efficient heterogenetwasof-enton catalysts, including
iron-containing minerals or iron-coated partig|Barraultet al, 2000; Baldriaret al.,, 2006;
Mattaet al, 2007).

As we mentioned above, the natural clay mineralsnatly contained the iron in their
structures and surface. And tipdlared clays interlayered by iron cations alsoreve
developed. Clay and oxide minerals, either as su@s supports of iron species, have been
widely serve as heterogeneous catalysts in theogheton-like reaction (Table II-A-4)

Table lI-A-4 Clays and iron oxides as heterogeneolwsatalysts for the decomposition of various

organic compounds via photo-Fenton-like reactions

Compound Catalyst Process Reference

Orange I Bentonite Catalyst/HO,/ UVC Feng et al,
clay-based Fe 2005
nanocomposite
film

Orange I Laponite Catalyst / HO,/JUV Feng et al,
clay-based Fe 2003
nanocomposite

methylene blue iron-pillared Catalyst / HO,/JUV De Ledn et
montmorillonite al., 2008

acidblack 1 Series of pillared Catalyst/BO,/UVC(254 Sum et al,
Laponite nm) 2004
clay-based Fe
nanocomposites

reactive Drilliant orange Iron pillared Catalyst /HO,/UV Chen et al,

X-GN montmorillonite 2009

reactive Dbrilliant orange Iron pillared Catalyst /HO,/ visible light Chen et al,

X-GN vermiculite (A> 420 nm) 2010

Rhodamine B iron-bearing  soilCatalyst/HO,/ visible light Wang Z.H.et
clays (A > 450 nm) al., 2009

Phenol Fe-treated laponite Catalyst/ HO,/ UVC (254  Lurascuet al,

nm) or UVA (360 nm) 2009

Ciprofloxacin Laponite Catalyst / HO,/JUV Bobu et al,
clay-based Fe 2008
nanocomposite
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pentachlorophenol Goethite Catalyst/oxalate/UVA Lan et al,

Hematite 2010
Mordant Yellow 10 Goethite Catalyst 48L,/UV He et al,
2002
Diuron Goethite Catalyst/oxalate/UN¥ 300 Mazellier and
nm) Sulzberger,
2001
Methylene blue Maghemite Catalyst/oxalate/UV, visible Gulsharet al,
Hematite and solar irradiation 2010
polycyclic aromatic Goethite Hematite Catalyst/oxalate/UV Wanget al,
hydrocarbons Lepidocrocite 2009
Maghemite
bisphenol A Lepidocrocite Catalyst/oxalate/UV Let al, 2007
Hematite

The mixed of

Maghemite  and

Hematite.
orange | Lepidocrocite Catalyst/oxalate/UV Lei et al,
Four mixed iron 2006
oxides
2-mercaptobenzothiazole Maghemite Catalyst/oxalate/ Wang et al,
2008
2-mercaptobenzothiazole Lepidocrocite  Catalyst/oxalate/UV(365 Liu et al,
nm) 2006

As shown in Table II-A-4, the researches on thesfogieneous photo-Fenton process
using clay and iron oxides as catalyst mainly fooms two types which are
catalyst/HO,/UV and catalyst/oxalate/UV. In the Catalysi®4/UV process, HO, is the
most important factor to form the hydroxyl radicated sufficient hydrogen peroxide has to
be added to make the system be efficient (Chanedmb, 2001). However, b0, is an acute
reactive reagent and cannot stand in nature fong time (Liuet al, 2006). This factor
limits the application of the Catalyst/8,/UV process in the remediation of organic
pollutants in nature. It is well known that clagfir oxides and oxalate coexisted in natural
environments. Compared with the catalys@UV, catalyst/oxalate/UV can formJ; in
situ and normally has the higher efficiency for thegradation of organic compounds (Lan
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et al, 2010). Actually, not just oxalate, other carblaxgs also can substitute fop®4 in the
photo-Fenton-like system. In the homogeneous systencept Fe-oxalate, some
iron-carboxylate complexes such as Fe-citrate afteate, Fe-NTA has been well known to
have a high photoactivity and have been appliettgrade organic and inorganic pollutants.
As we see, in the heterogeneous system, the reps just limited in the
catalyst/oxalate/UV system. Therefore, explorindieot more catalyst/carboxylate/UV
process is demanded and interesting.

In theseheterogeneous photo-Fenton-like systeths, operation does not require strict
control of pH as is the case in the homogeneouwRgrocess (Garrido-Raref al,, 2010).
Several authors have reported that the photodetywadaf pollutants could happen at pH
values between 3 and 9 in theterogeneous photo-Fenton-like systéable II-A-4).
During the irradiation, small amount of iron couldd released into the solution through the
photoreduction reactions, but which can not beamparison with the amount of
immobilized iron in the clay and iron oxides mirlsraiost of the catalyst could be reused
several timesThe photochemical process/olves the mechanism thoutfie homogeneous
reaction in aqueous solution and the heterogeneaction on the surface of clay and iron
oxide. For the catalystA4®,/UV process, two mechanisms for the oxidation efpbllutant
involving the hydroxyl radicals which are propodeygl Fenget al (2003) and Heet al
(2002).

According to Fengt al (2003), the reactions are initiated by the phettuction of F&
on the surface of clay to Feunder UV irradiation. The B&formed on the surface of clay
accelerates the decomposition of}, forming’OH radicals, and at the same time, th& Fe
on the surface of the clay is oxidized to*Ferhese’OH radicals attack the Orange I
adsorbed on the surface of clay, resulting in tienation of reaction intermediates from the
degradation of Orange Il. Finally, the intermedsatee completely oxidized into G@nd
H.0.

Fe** on the surface of clay] 1— Fé* on the surface of clay (1)
Fef* on the surface of clay +.8, —Fe** on the surface of clay *©OH + OH (2)
clay-Orange Il + OH — Intermediates (3)
Intermediates +OH — CO, +H,0 (4)
According to Heet al (2002), the possible surface and solution reactio this
heterogeneous photo-Fenton system was summarizeédheme II-A-2. The reactions are

initiated by the formation of a precursor surfacenplex of HO, with the oxide surface
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metal centers. The iron surface is immobilized ac@hedrally coordinated by’Gand OH
(Flynn, 1984). The O-O bond of the surface compledergoes a cleavage under UV
irradiation leading to the generation of Fe(IV) @pe and hydroxyl radicals. Since the
Fe(lV) complex is unstable, it reacts immediatelthviH,O forming another active hydroxyl

radical (Meunieeet al, 1992). The photolysis of Fe(lll) generates Fetllowed by Fe(ll)

1l []v
FeOOH
H:0: % ”///
Degradation
product

Fe'OH _) O%Fe
Dye HO’

H:z0

reoxidation by HO..

Scheme lI-A-2 Fe cycling in the Goethite/HO,/UV system(Heet al., 2002).

For the catalyst/oxalate/UV system, the photochamicocess for the degradation of
pollutants is well determined (Wamg al, 2008; Leiet al, 2006; Mazellier and Sulzberger,
2001). Mazellier and Sulzberger (2001) give a \&@egarly light-induced iron cycling in the
iron oxides/oxalate/UV system, which is shown alseBee 1I-A-3.
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Scheme lI-A-3 Fe cycling in the Goethite/oxalate A system (Mazellier and Sulzberger, 2001)
The specific photoreaction in this process is shaw/ifollows:

Iron 0xide+nH20204<—> [E Fe(C204)rJ(2”_3)— (1)

[= Fe(GO @ Ol Fe(GO.)2 (or=Fe(GOx2) + (CO)™ (2)
Fe" (Co04)n> " +hv— [FE'(C204)(n-1)]* ™ +(C204)™ (3)
(C204)"— CO +CO~  (4)

CO "+ CO+ O (5)

O,” +H — HO,” (6)

0, +Fe" S Fe +0, (7)

0,/ HO,+ nH" + Fé"— Fe* + H,0, (8)

F&" + H,0,— FE" + OH +'OH  (9)

The first essential step was the specific adsanpbdiboxalate on the surface of the iron
oxides. During the photochemical reaction, dissoli#ze(ll) and Fe(lll) species, adsorbed
Fe(ll) and Fe(lll) species, the superoxide and bgdroxyl radicals (& /HO,) are the key
intermediates formed through the reactions, as shovgs. (1)—(6). BD, can be obtained
by the dismutation of ©/HO,’, as Egs. (7) an(B). After HO, was formed, the classical
Fenton reaction happened with Fe(ll) species, tm fOH, as Eqg. (9).

The efficiency of clay/iron oxide minerals in catahg the decomposition of the organic

pollutants through the photo-Fenton-like reactimiluenced by several parameters, such
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as hydrogen peroxide/ oxalate concentration, typksairface area of the mineral, solution
pH, different light sources, and pollutant chargst&s. For example, De Ledt al (2008)
observed that the smaller-sized particle fractibthe starting mineral could increase the
catalytic activity in methylene blue discoloratibg photo-Fenton processes. Investigating
the oxidation of 2-mercaptobenzothiazole in theitleprocite/oxalate/UV system, Let al
(2006) found that when the oxalate concentratios wareased from 0 to 1.0 mM, the rate
of degradation increased. However, when the coration of oxalate was further increased
from 1.0 to 3.0 mM, the rate of decomposition desti. This was due to the competition
between the oxalate and 2-mercaptobenzothiazatémgavith hydroxyl radicals. In a word,
the heterogeneous Photo-Fenton-like system is e@nyplicated. In order to achieve the
best efficiency for the degradation of pollutastéthe main factors should be evaluated.

A-2-3 Other modified clay/iron oxides photocatalysis

Due to special layer structure and colloid progsrof clay minerals, they are widely used as
hosting/support materials. In the past few yedrs, ihtroduction of organic or inorganic
cations into clay minerals, especially Montmoriiten has been developed to prepare
various porous pillared materials (Diegal, 2008). Numerous articles have been reported
to introduce the semiconductor, such as,J @S, FgO3;,ZnS into the clay minerals to get
the high efficiency photocatalyst (Chest al, 2001; Xiaoet al, 2007). Among the
semiconductor-pillared clay, Tixlay has been paid the most attention. Immobibzabf
TiO, into clay minerals can reduce electron—hole redpatibn and increases the
adsorption of organic pollutant onto the catalystface. This result increases the
photocatalytic activities of Ti@clay. Otherwise, the Ti@clay could use the solar light as
the light source and is easily recovered and relisetefore, Ti@-clay have been widely
applied into the photocatalytic degradation of @asi pollutants, such as dyes (Dawiedl.,
2007; Suret al, 2002), volatile organic components (VOCs) (Mémtsal, 2008; Ookaet

al., 2003), phenol (Zhet al, 2005), herbicides (Belesst al, 2007).

Surface modified clay minerals with dyes also foundexhibit high photocatalytic
activities. Songet al (2006) found that the methyl viologen (MY intercalated clay could
either produce or deplete of hydrogen peroxideOgy under UV light irradiation. The
intercalated MV" is excited by UV irradiation and then capturesetns from clay hosts,

forming MV™. In iron free clay, MV rapidly reduces dissolved molecular oxygen to
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0O, /HO;', subsequently, ¥D, was produced. When Fe(lll) is present in clays iteduced
to Fe(Il) by MV" leading to the decomposition 0b®. Madhavan and Pitchumani (2002)
investigated the photooxidation of electron-richsuvates such as quinone, 1-naphthol and
anthracene to the corresponding 1,4-quinones vagilmound methylene blue/ rose bengal.
It was found that under oxygen atmosphere, elebiliopoxidant of singlet oxygen was
formed. The pathway of the substrate was the A [2] €ycloaddition between singlet
oxygen and the substrate, followed by its subseqtleavage.

Not as clay minerals, there are rare reports attmutnodified iron oxides photocatalyst.
Wu et al (2007) investigated the adsorption and catalydosformation of chromium on
Mn substituted goethite. It was found that Mn-sitbstd goethite may act as a p-type
semiconductor, having the similar redox proces&i@s and could photoreduce the Cr (VI)

effectively.

B-lron-carboxylate complex

B-1 EDDS: one of naturally occurring aminopolycarboylic acids (APCAS)

Aminopolycarboxylic acids, an important group ofeldting agents, are compounds that
contain several carboxylate groups bound to onemore nitrogen atoms. The major
chemical property of APCAs is their ability to foistable and water-soluble complexes with
many metal ions (Bucheli-Witschel and Egli, 200H9r that reason, they are used in a wide
variety of domestic products, industrial applicaiand soil remediation (Bucheli-Witschel
and Egli, 2001). Among the APCAs, the most widebed of these are EDTA, with an
estimated annual use of 6510° metric tons in the USA and Western Europe, and NTA
with an estimated annual use of 40.3%fetric tons. Therefore, much attention has been
paid to the environmental fate of APCAs, especi&lTA and NTA. EDTA is very
persistent in the environment due to its low bioddgbility (Schmidet al, 2004). Meanst

al. (1980) reported a half-life of 6 months for EDTPhis can cause a rather high risk of
metal leaching to the groundwater (Nowack 200230/ bined widespread use of fertilizers
and slow decomposition has led to background cdretgons of EDTA in European surface
waters in the range 10-50 m@'l(Kari et al, 1995). As reported, photochemical oxidation
is the only effective way for removal of EDTA ant$ iderivatives. The Fe(lll)-EDTA

complex is the only EDTA species that undergoesctiiphotolysis in the environment
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(Frank and Rau, 1990; Kaet al, 1995). So the photochemistry reaction of Fe@DTA
has been extensively studied (Koebtl, 2007; Metsérinnet al,, 2001; Kocokt al, 2006).
NTA is easily biodegradable, having half-lives fr@to 7 days under aerobic conditions
(Bucheli-Witschel and Egli, 2001). However, it inder scrutiny due to possible adverse
health effects (Ebinat al, 1986). Recently the easily biodegradable chejatigent
S,S-EDDS §S-ethylenediaminéN,N’-disuccinic acid) has been proposed as a safe and
environmentally benign replacement of EDTA for eamimental remediation products as it
is also a strong complexing agent (Velupetal, 2007; Zhangt al, 2008).
EthylenediamineN,N'-disuccinic acid (EDDS) is one of natural occurriABCAs. It is
isolated from culture filtrate of the actinomycetenycolatopsis orientalisTransport of
EDDS into this actinomycete was also demonstrd&éduylenediamineN,N'-disuccinic acid
(EDDS) is a structural isomer of EDTA, and exists three stereoisomers, namely
[S,S]-EDDS, [R,R]-EDDS and [R,S/S,R]-EDDS. Amongerith [S,S]-EDDS is readily
biodegradable. Other stereocisomers of ethylenedemdisuccinic acid are either
non-biodegradable (R,R) or only partially biodegiale (R,S, S,R), so the SS-isomer is
generally used. Indeed, mineralization of EDDSludge-amended soil was completed in
28 days with a calculated half-life of 2.5 dayswdeskaet al, 1999). In addition, several
metal-EDDS complexes are readily biodegradabled¥aivereet al, 2001). Also, EDDS is
reported to photodegrade markedly faster than E[BGAH in the laboratory and in field
experiments (Metsarinnet al, 2001). This is because the photodegradationDDE is
independent of its speciation, whereas the photadetjon of EDTA depends on its
existence as Fe(lll)-EDTA species. [S,S]-EDDS cduahih stable hexadentate chelates with
transition metals. Stability constants for heavytateewith EDDS in comparison to EDTA
and NTA are presented in Table II-B-1. EDDS hasdoaffinity for Mg and Ca than EDTA,
which enhances its applicability for intended mialilion of metals. EDDS can readily
solubilize metals from soil and at pH 7 it was shae be better at solubilizing Cu and Zn
than EDTA at equimolar ratios of chelating agentitals (Tandt al, 2004). The toxicity
of [S,S]-EDDS to fish and daphnia is low (EC50.000 mg %) (Jaworskeet al, 1999).
[S,S]-EDDS was recently introduced as an ingrediéimidustrial detergents. Presently, it is
the only commercially available chelate that isunaty present in soil, where it is readily
decomposed into benign degradation products. Duts tenvironmental friendly and also
the strong metal chelating ability, Octel (Octel rfBenance Chemicals, a

Manufacturer/Exporter) have designed and builtagss and plant to make EDDS in the
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UK to serve the growing market need for biodegréalabelating agent.
Table II-B-1 Stability constants (log K) of 1:1 conplexes of NTA, EDTA and [S, S] with di- and

trivalent metal ions determined for an ionic strengh of 0.1 M (Bucheli-Witschel and Egli, 2001)

NTA EDTA EDDS
Mg** 5.5 8.8 5.8
cat 6.4 10.6 4.2
Mn?* 75 13.8 9.0
zn?t 10.7 16.4 13.5
Co? 10.4 16.3 14.1
CU? 12.9 18.7 18.4
P 11.3 17.9 12.7
Cd* 9.8 16.4 10.8
Al® 11.4 16.5

Fet 8.3 14.3

Fe’* 15.9 25.0 22.0
Ni%* 11.5 18.5 16.8

B-2 Fe(lIN-EDDS

As we mentioned above, EDDS could form complex wAglll) with a stability constants
of 22.0. The stoichiometric ratio of Fe(lll)-EDDSrplex is 1:1 (Zhang, 2009). The
structure of the Fe(lll)-EDDS complex is shown iigu¥e II-B-1. EDDS’s six donor sites
form both five- and six-member chelate rings arotir@dmetal ion: two NgDFe rings, two
NC;OFe rings, and one N.Fe ring (Paveik and Kettman, 1983). Oranet al (2002)
studied the distribution of complexes in the soltwith the concentration of E¢EDDS in
1:1 (as Figure II-B-2) and the conditional stailtonstants for several complexes of
[SS-EDDS vs. pH (Figure 11-B-3). The values of I&Jdy. > 6 are often considered as a
criterion for an efficient complexation. With thassumption, the approximate pH ranges
suitable for the use of EDDS as a chelating agemiptexing with Fe(lll) are 3-9.
Metsarinneet al (2001) studied the photodegradation of Fe(lll)TAand Fe(lll)-EDDS
complexes under different conditions. It was fouhdt the rate of photodegradation of
Fe(ll)-EDDS is faster in lake water than in distl water. That is may be due to iron, fulvic

and humic acids contained in the lake water. Tlhesepounds could lead to the indirect
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photolysis of the iron complex. The rate of phograelation of Fe(lll)-EDDS is fast at pH
3.1 rather than 6.5. This is because at pH 3.1 EfoDS stable complexes with Fe(lll)-ions,
while at pH 6.5, iron is partly transformed intonrhydroxide and is therefore not available
for complexation. But the pathway of Fe(lll)-EDD8gtadation was not introduced.

Zhang (2009) applied the Fe(ll)-EDDS to be a pbatalyst. It was found that
Fe(ll)-EDDS was easily photolyzed under irradiatiand "OH was formed during
photodegradation of Fe(lll)-EDDS. But no matter &e{lll)-EDDS as a pollutant or as a
photocatalyst, the photochemisty of Fe(lll)-EDD$@orly understood.

Figure 11-B-1 Structure of Fe(lll)-EDDS complex (M: Fe)

100 =
] —[S.S-EDDS
i - - - EDDS mixture :
21 .. Fe(OH), -
o] Fe :
01 Fel Fe(OH)L? ,
w 1 /. ~ ! Fe(OH)L™
) o '

Figure 11-B-2 Distribution diagram of Fe(lll)-EDDS aqueous solution as a function of pH values
range from 0 to 12 (Oramaet al., 2002)
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Figure 11-B-3 Conditional stability constants for ML complexes of §,5-EDDS vs. pH (Orama et al.,
2002)

B-3 The photochemistry of iron-carboxyate complex

Iron is the most abundant transition metal in theheés crust. Iron is present under a variety
of forms in water ranging from soluble to colloidaid particulate species. Most of the iron
in natural waters exists in the form of insolubderic oxides and (hydr)oxides (Barbeau,
2006). The concentration of dissolved iron is vy and most of the dissolved iron is
associated with strong organic ligands in natuitins (Achterbergt al, 2001; Ciglaet al,
2004). Polycarboxylates such as citrate, malorsatd,oxalate are common constituents of
precipitation, fog, surface waters and soil sohsio(Kawamuraet al, 1985).
Polycarboxylates can form strong complexes witfi Bad enhance the dissolution of iron
in natural water through photochemical processerebver, such polycarboxylate
complexes undergo rapid photochemical reaction®mugdnlight irradiation leading to the
formation of oxidative species (Faust and Zepp3i1®aniast al, 1996). Therefore, in the
presence of polycarboxylates, photochemical reda@kng of iron in the aqueous solution
was significantly altered (Figure 11-B-4).

28



hydrolysis

( thermal dissclution
L
hv
on ‘\zsm) Fe(IlT)-L =Fe(II[}OH)
*oH—"] _
B F
*OH + OH=_ | =Fe(ll[}-L
Fe(l)-L Fe(I-1* N
Hzoz
HaO2

3
=Fe(lIl-L*
Fe(ID)
07+ 2H" ! k
Oa

Figure 11-B-4. Mechanism of photochemical redox cying of iron in the aqueous solution.
Fe(ll)-L and Fe(lll)-L represent Fe(ll) and Fe(lll) complexed with Ligand. (Abida, 2005)

Up to now, photolysis of Fe- Polycarboxylates as ohthe advanced oxidation process
(AOPs) has received much attention (Zledwal, 2004; Cheret al, 2007; Ouet al, 2008;
Zhanget al, 2009). For instance, Zhaet al (2004) investigated the photooxidation of
diethylstilbestrol (DES) by Fe-oxalate complex und@50 W high-pressure mercury lamp.
The photodegradation of DES in the Fe(lll)-oxalaeplex system is more efficient than in
the Fe(lll)-OH complex system (aquacomplexes). éuwal (2008) also found that the
presence of Fe(lll)-citrate complex enhanced thetqutegradation rate of atrazine as a
result of'OH radical attack. Silvat al (2007) observed that besides the high efficiesfcy
the herbicide tebuthiuron (TBH) degradation wasead using the ferric citrate complex
in the solar photo-Fenton process, the ferric @t@mplex also offers the advantage of
application at a pH of up to 7.5.

It was reported that light irradiation of Fe(lllpRcarboxylate complexes could produce
both Fe(ll) and ligand-free radical by the ligadrtetal charge transfer (LMCT) reactions
(reaction (1)). Then the reducing radical coulcctedth Fe(lll) species or £xo form Fe(ll)
species or superoxide radicab’ O(reaction (2)) respectively. The relative ratestlod
reactions of the reducing radical withh @r Fe(lll) are very important for determining the
steady state concentration of Fe(ll) ang.O'he radical @ and its acid conjugated form
HO, (pKa = 4.8 for the H®)/ O;) can participate in further reactions, includirepgration
of H,O, (reactions (3) to (6)) (Bielslat al, 1985). The yield of kD, depends critically on
competition between ¥D,-producing reactions (reactions (3) to (6)) angip@ducing
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reactions (reactions (7) and (8)).

Fe(ll)-L + hv — [Fe(ll)-L] * - Fe(i) + L (1)

L'+ O, 50, + (2)
Fe(ll) + O + 2 O — Fe(ll)+ H,0,+ 2 OH k=1.0x10Ms*  (3)
Fe(ll) + HO, + H,0 — Fe(ll) + H,O,+ OH k=1.2x 16 Ms* (4)
HO, + O, + HO — H,O, + O, + OH k=9.7x 10Ms* (5)
HO, + HO, > H,0,+ O, k=8.3x16M7s?  (6)
Fe(lll) + HO, — Fe(ll) + @ + H" k<1 x18M7st (7)

Fe(ll) + O — Fe(l) + @ k=5x16M7's? (8)
From these reactions it seems very likely that domcentrations of HEYO,” and
Fe(lll)/Fe(ll) and as a consequence the formatidd Q. in water are intertwined. In fact in
such system it is well known thaDH can be formed by oxidizing Fe(ll) with,8, also
called Fenton reaction (reaction (9)) (Gallatcl,, 1998).

H,0, + Fe(ll) > Fe(lll) + 'OH + OH k = 63 M's? (9)

Zhang (2009) presents a very clear reaction schiemntbe photolysis of Fe(lll) complexes
of polycarboxylates (oxalate, malonate, citratayFe II-B-5). From the scheme, we can
see that iron concentration, pH and oxygen ar@rgdbrtant parameters that influence the
reactions.

Aminopolycarboxylic acids (APCAs) may present bebavsimilar to that of
polycarboxylic acid (Abidat al, 2006). Abida studied the photochemical impadtefll)
—nitrilotriacetic acid complex (FeNTA) on the faté 4-chlorophenol (4-CP) in natural
waters. It was found that the quantum yields of phetodecomposition of the FENTA
complex and of Fe(ll) formation, by an intra-mollcuphotoredox process are high. The
radical speciesOH and CQ~ are responsible of the 4-CP degradation. Iron rocga
complexes like FENTA can play a significant role the fate of the organic compounds

present in natural waters.
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Figure 11-B-5 Reaction scheme for the photolysis dofe(lll)-polycarboxylate complexes (Zhang,

2009)

C-Endocrine disrupting compounds

Endocrine disrupting compounds (EDCs) are chemiwéls the potential to elicit negative
effects on the endocrine systems of humans andifei{&aviock, 1999. Research of EDCs
in the past decade has grownmensely since the publication of the book “Otaolen
future” (colbornet al 1996).The US Environmental Protection Agency (EPA) defiaa
EDC as “An exogenous” agent that interferes with #ynthesis, secretion, transport,
binding, action, or elimination of natural hormonegshe body that are responsible for the
maintenance of homeostasis, reproduction, developraed/or behavior (USEPA, 1997, p.
1). Various types of natural and synthetic chemmahpounds have been identified as
EDCs, such as pharmaceuticals, pesticides, industremicals, personal care products and
heavy metals (Giesst al, 2002). Table 1I-C-1 introduces several exampfdsDCs (Chang

et al, 2009; Bondgaard, and Bjerregaard, 2005). EDQgldcde released into the
environment by humans, animals, and industry; ngaimough sewage treatment systems

before reaching the receiving bodies (Let, al, 2009). EDCs have been detected in
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influents and effluents of sewage treatment pléBasonti,et al, 2000; Jeannadt al, 2002),
surface water (Litet al, 2004; Zhouet al, 2007), as well as drinking water (Kuch and
Ballschmiter, 2001). Considerintheir wide spread over the environment and potentia

impacts, it is very important to remove them frdra environment or degrade them.

Table 1I-C-1 Examples of various types of EDCs clatfied

Class Compoud

Steroid Estrone, 1j-estradiol, Estrigl Testosterone,
Androstenedione,
Ethynylestradiol

Pharmaceutical Acetaminophen, Hydrocodone, Diokade

Sulfamethoxazole

Personal care product Caffeine, Oxybenzone
Industrial chemicals Bisphenol A, Phthalate, Nphgnol
Pesticides Atrazine, DDT, Alachlor, Amitrole,

Metribuzin, Carbaryl, Banol
Combustion by-product Dioxin
Heavy Metal TBT, Hg, Cd, Pb

C-1 E2 in the environment

17B-Estradiol (E2) is a well-known natural EDC. E2 adso of major concern as
environmental contaminant due to the very potefitogenic activity even at very low
concentration (~18 M, in vitro) (Arnold et al, 1996; Ohkoet al, 2002). It have been
reported that concentration of E2 in water as law38@ ng [* for 21 days induced
vitellogenin (an egg yolk precursor proteigpically associated with sexually mature
female3 synthesis and abnormal testicular growth in nfathead minnows (Panteat
al.,1998; Panteet al, 2000). Exposure to E2 levels as low as 1 fgrLenvironment is
sufficient to cause the feminization of male trantl the development of intersex roach in
rivers (Desbrowet al, 1998; Routledget al, 1998). Meanwhile, it is a confirmed animal
carcinogen with neoplastigenic, tumorigenic, andttegenic effect (Lewis, 1991).

E2 is produced and released into the environmehubyans (e.g. animals urine and feces,
contraceptive pill residues, hormone replacemesratby residues), livestock (e.g., animal
manure), and wildlifg(Ying et al, 2002;Desbrowet al, 199§. It is reported that on an
average, 1.6 ng'd 2.3-3.5 pg d, 259 pg dof E2 is excreted by human males, females,

pregnant women respectively (Johnsbral, 2000). In urine of cattle, the E2 concentration
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was found to be 13 nglon average (Erbt al, 1977). The human source of E2 can enter
the environment from the wastewater and sewagéniezd plant (Desbrovet al, 1998;
Zhenget al, 2008). After the typical sewage treatmepdrt of E2 could be removed, but
most of them will be released into surface watdise disposal of animal manure to
agricultural land also could lead to releasing isurface and ground water (Bushefe
al., 1998; Shoret al,1995). E2 has been detected in several sewagengat plants (STP),
surface water and ground water. Table [I-C-2 shtvesconcentration of E2 detected in
several water systems. The concentration of E4fineat of STP, surface water, ground
water, drinking water in different areas rangedhrfrihe below detection limit to 158 ng'L
And most of the E2 concentration list in the tall€-2 is high enough to exist harmful
effect to human and wildlife.

Table II-C-2 Concentration of E2 in various water ystems

Waters Location Concentration(njL Reference
Efflunet of STP Japan 4.6-14 Kobayashal, 2006
Italy 0.35-3.5 Barontet al, 2000
Italy 1.6 D’Ascenzeet al, 2003
Austria <LOD-30 Clarat al, 2005
us <10-20 Tabakt al, 1981
us 1.5-54 Robest al, 2007
Canada 0.2-14.7 Servesal, 2005
Italy 3-8 Laganat al, 2004
Canadian <LOD-158 Fernandetzal, 2007
Netherlands <0.1-5.0 Belfrogt al, 1999
Germany <0.15-5.2 Kuch and Ballschmiter, 2001
Surface water Japan <LOD-27/24 Tabettal, 2001
Germany 0.15-3.6 Kuch and Ballschmiter, 2001
Italy 0.11 Barontet al, 2000
Netherlands <0.3-5.5 Belfrogt al, 1999
Ground water n.d-45 Swargz al, 2006
n.d-0.79 Hohenburat al, 2004
6-66 Pertersoat al, 2000
13-8 Wickset al, 2004
Drinking water 0.2-2.1 Kuch and Ball schmiter, 200
2.6 Roefeet al, 2000
<LOD-2.6 Morteanet al, 2006

LOD = limit of detection

C-2 E2 degradation
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Due to the harmful effect of E2 and the widespreeclirrence in the aquatic environment,
people pay more and more attention to the removaE?d in the wastewater. The
conventional chemical process, biological process sorption process could not achieve
the removal of E2 effectively and adequately (Katal, 2007). In addition, the sorption of
E2 on the sludge after the treatment causes fudbecern of the sludge management.
Advanced oxidation processes (AOPs) have been ttaadpe the green and most efficient
method for oxidation and mineralization of pollufKatsumatat al, 2004; Daneshvaat
al., 2003; Macounovét al, 2003). AOPs are based on the generation of keaygtive
species such as hydroxyl radicaDH) that oxidizes a broad range of pollutants qyiekd
non-selectively. Several AOPs have been studiedagptied for the treatment of E2, such
as TiQ-mediated photocatalysis, photo-Fenton catalytiactiens, QUV process,
ozonation, electrochemical oxidation process.

Among the AOPs, Ti@mediated photocatalysis was the most extensiveponted
method for degradation of E2. TiQs an efficient, nontoxic, stable and economical
photocatalyst. When near ultraviolet UV light imges on TiQ surfaces, electron-hole
pairs will be generated which exhibit strong oxikigz power and could results in the
production of hydroxyl radicals and superoxide cati (Jaeger and Bard, 1979). Olekal.
(2002) reported that 10M of E2 was totally mineralized to GGn 1.0 g L* TiO,
suspension under UV irradiation (365 nm) for 3he-1@5-Dihydroxy-1,4-estradien-3-one
and testosterone like species were elucidatedtesriadiate products by GC/MS analysis.
The intermediates produced during the photocatahlgiactions did not exhibit any potent
estrogenic activity in the treated water. Zhatgl (2007) investigated the Tiassisted
photodegradation of E2 and in two UV-photo-reactéi®o of E2 was degraded within 4 h
of irradiation in reactor 1 (150 w, 238-579 nm),il@98% of E2 disappeared within 1 h in
reactor 2 ( 15 w, 253 nm). The wavelength of UWtidias a big influence of the E2
photodegradation. Colema al. (2004) reported 0.05-3 uM E2 were 98% destropedis
h with virtually all the estrogenic activity beimgmoved. Thus Ti@photocatalysis can be
applied to water treatment to effectively removewidthout producing biologically active
intermediates.

The degradation of E2 by a homogeneous/heterogenamto-Fenton process has been
reported. Fenget al (2005) reported that E2 could be decomposed ieflily in
UV-vis/Fe(lll)/H,O, system. Under the condition of 10.0 uM Fe(ll) 000uM HO, and
pH 3.0, the degradation efficiency of 18.4 uM Edde 75.2% after the irradiation of 160
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min. Zhaoet al (2008) investigated the E2 degradation under wédkrradiation in the
presence ofa-FeOOH loaded resina{FeOOHR) and BD,. The results showed that
a-FeOOHR not only degraded E2 but also removed shegenic activity originating from
E2, its degradation intermediates, and its prodidx$ailed reaction pathways are proposed,

as shown in Scheme II-C-1.
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Scheme II-C-1 Simplified mechanism of E2 photodegdation (Zhao et al., 2008)

Degradation of E2 by £JV process and ozonation was also reported. Debeircl
(2005) reported that E2 exhibited high rate cortstawith ozone. The reactivity of ozone
with ionized E2 and neutral E2 was 3.89%M's* and 1.01x10M™s? respectively. At pH
7 and 20 + 2C, O; exposures of only ~ 2xT0mg mini* L™ were calculated to achieve
95% E2 removal efficiency. Bilat al (2007) investigated the degradation of E2 and the
removal of estrogenic activity by the ozonationgass in three different pHs (3, 7 and 11).
High removals (>99%) were achieved with low ozowsates in the three different pHs.
However, complete removal of estrogenic activityswanly obtained at pH 3. Due to
different chemical pathways and different oxida@; and "OH radical), different
by-products are formed at different pHs. Irnedlkal (2005) showed that the time needed for
complete conversion of 0.1 mM of [i-éstradiol was 55 min for the applied @ose of
15.78x10° mM min™.
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Electrochemical oxidation as one of the AOPs etbffers several advantage such as
environmental compatibility, versatility, energyfieiency and amenability to automation.
But the effective degradation of organic pollutaotslectrochemical technology is often
limited by the electrode material and its stabili@ne reference was checked for the
degradation of E2 using electrochemical oxidatilruganantharet al. (2007) reported
electrochemical degradation of agueous solutionstaneing E2 using boron-doped
diamond (BDD) anode with a working solution volurokE250 mL under galvanostatic
control. 500 pg di E2 was completed degraded within a reaction tifranin at 25 mA
cm? current density with 0.1 M N8O, as supporting electrolyte.
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MATERIALS AND METHODS
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IHI-Materials and methods

A-Reagents

Ferric perchlorate (Fe(Cl-9H,0), Fluka, > 97%.

S, S'-Ethylenediamine-N, N'-disuccinic acid trisodisalt solution, (EDDS), 30% in water,
Fluka.

17p-Estradiol (E2), Sigma, > 98%

Fe(NG)3 9H,O, Sigma-Aldrich, > 99%.

Disodium terephthalate, Alfa Aesar GmbH & Co K&X%%
Copper(ll) sulfate pentahydrate, Merck, > 99%.
Tetrabutylammonium hydrogen sulfate, Acros Orgamnc38%
2-Hydroxyterephthalic acid, Atlantic, > 98%
FeSQ-(NH,).SOy-6H,0, Aldrich, 99%.

Sodium hydroxide, Prolabo, > 97%.

Sulfuric acid, Merck, > 95%.

Perchloric acid, Merck, > 97%.

1, 10-phenanthroline, Aldrich, > 99%.

Ascorbic acid, made in Germany, E.Merck, Dermstad9.7%
Isopropanol, Aldrich, > 99.5%.

Sodium nitrate, Fluka 99%

Hydrogen peroxide 30%, Fluka, not stabilized (78221)
CH3;COONa, Merck.

Acetic acid, Carlo Erba reagent, 96%

Goethite ¢-FeOOH), synthesized in LPMM laboratory
Montmorillonite KSHKSF),Alfa Aesar.

Montmorillonite, naturally occurring mineral (MNAJfa Aesar.
Montmorillonite, Sanding Clay Products Inc. (ShaxiZhejiang, PRC).

B-Preparation of materials and solutions

B-1 Synthesis of goethite
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The method of Goethite synthesize is in agreeméifi tive paper of Atkinson R.&t al
(1968). 180 g Fe(N¢§); -9H0O were dissolved in 730 mL Milli-Q water; when diigion
was complete, 250 mL of 3 M NaOH were added rapitien the solution was stirred with
magnetic bar for 2 days at ambient temperaturesrAfging, saturated NaOH were used to
adjust the pH between 12 and 13. After precipitattbe bottle was placed in a bath at@0
up to 4 days. During this period, the solution was stirred. Then the suspension was
centrifuged and washed several times until the jaid set to 7.5. The iron oxides were dry in
an oven at 4% for one night. During all the synthesis perid &xposition under light was

avoided.

B-2 Preparation of stock solutions

(a) Estrogen (E2) stock solution (2@M)

0.0028 g of E2 was diluted to 500 ml by adding pprapriate volume of Milli-Q water
and then put the flask in the ultrasonic bath &wesal hours to make E2 dissolved.

(b) [S, S']-stereoisomer of ethylenediaminedisucdin acid (EDDS) stock solution (10
mM)

1.1940 g of EDDS was diluted to 100 mL by addingagpropriate volume of Milli-Q
water to get the desired concentration of EDDS.
(c) Fe(lll) stock solution (2 mM)

Great care was taken to prepare the solutions(¢if)He order to prevent evolution and/or
precipitation of Fe(lll). A certain quantity of F&l0,);-9H,O (0.2582 g) was diluted to 250
mL by adding an appropriate volume of Milli-Q water get the desired concentration of
Fe(lll) and the pH value of the stock solution vaagusted to pH 2.0 with perchloric acid.
(d) Ferric-EDDS complex stock solution (2 mM)

40 mL of 20 mM EDDS and 40 mL of 10 mM Fe(G)&9H,O were mixed and diluted to
200 ml by adding an appropriate volume of Milli-Quer.

(e) Fe (1) stock solution (0.45 mM)

0.0882 g of FeSE(NH,4).S0O-6H,O was diluted to 500 mL by adding an appropriate
volume of Milli-Q water to get the desired concetibn of Fe (I1).
(f) Acetic sodium buffer
For actinometry

The buffer of acetic sodium was prepared by mix609 mL of acetic sodium (1 N) and
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360 mL of sulfuric acid (1 N) with end volume ofLlby adding an appropriate volume of
Milli-Q water.
For Fe detection

The buffer of sodium acetate -acetic acid was pegphy mixing 82 g acetate sodium and
31 mL acetic acid with end volume of 500 mL by addan appropriate volume of Milli-Q
water.
() Potassium ferrioxalate

Potassium ferrioxalate used for actinometry wagpgmed from potassium oxalate and
ferric chloride, according to the procedure propogy Calvert and Pitts (1966), and
carefully stored in the dark.
(H) Disodium terephthalate (TA, 10 mM)

0.2101 g of TA was dissolved to 100 mL by addingagpropriate volume of Milli-Q
water.
(i) 2-Hydroxyterephthalic acid (TAOH, 0.1 mM)

0.00183 g of TAOH was diluted to 100 mL by addimgagppropriate volume of Milli-Q

water.

B-3 Preparation of reaction solutions

All the reaction solutions were prepared with Miliwater. The pH values were adjusted
with perchloric aid (1 N) and NaOH (1 N) by a JENWA310 pH-meter to £ 0.01 pH unit.
The suspensions of Goethite were dispersed by wsingltrasonic disperser for 2 min.
The suspensions of Montmorillonite (MN) were digeel by a glass rod for several minutes.
After the irradiation, the mineral suspensions wemetrifuged at 12000 rpm for 30 min.
When necessary, reaction solutions were deaerateglygenated by purging with argon

or oxygen before irradiation. The purging time @srin.

C-Irradiation

C-1 Ferrioxalate actinometry

The light intensity | was measured by ferrioxalate potassiurgFH{G0O,)3) actinometer
(Calvert and Pitts, 1966). This method depends lom photochemical reactivity of
K3Fe(GOy)s in the acid solution. Under irradiation, Fe(lll)ass reduced to Fe(ll) and
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oxalate ion was oxidized to GOThe reactions are as follows:

Fe*(C,0,).] 0t~ [Fe"(c,0.),] + ¢,07 (1)
Fe™ (Czo4)3:3_ + C,0, M~ [Fe3+ (0204)3]2_ + C,07 (2)
Fe*(C,0,),] M- [Fe(c,0,).]" + 2co, ©

Fe?* can form stable red complex with 1, 10-phenantheolFe(ll) concentrations were
determined by complexometry usiago= 1.118 x1&mol™* L cm ™ for the complex of Fe(ll)
with o-phenanthroline. The principle of this assay is ftbiowing: after irradiation of a
volume (V) of ferrioxalate potassium solution (0.006 mat)lfor a timet (expressed in
seconds), we added at 2 mLyJ\6f this irradiated solution, 1 mL of acetate leuffand 0.5
mL of 1, 10-phenanthroline (0.1% by mass). Thetsmhus then filled with pure water up to
5 mL (V3). After agitation, the solutions were kept in terk for 1h and then the UV-vis
measurement was carried out at 510 nm in a cell antoptical path equal to

The number of Fe(ll) formed during the photo reattivas calculated with the following
formula:

N = 6.023010°° IV, [V, tog(l, /1) _ 6.02310° IV, [V, [OD,,,
Fe V, g, , & V, 0 &5y

With ODs;19 = (ODsoution— ODbanksi0 , the value of the absorbance at 510 nm of thekbla
is obtained with the same solution of potassiumidralate, but not irradiated and prepared
as before.

The number of F& formed is proportional to the fraction of absorligtit by the solution
during this timet. Then the intensity emitted by the system, in phstper second for the

volume \4, is equal to:

l, = Meee photons &'
@ BOL-107P)

(1-10°P) is the percentage of photons absorbed by thetisolat the wavelength of
irradiation at time t = 0.
Then:

6.02310% [V, [V, (DD,

= 0 photons s' for V1 mL
° Vz |:I]51o B;510 R‘f:e2+ i E{l—lO DO)

These photonic flows were expressed in photdnens?, because with parallel beam; V
can be assimilated to the length of the opticah pat the cellt irr; these flows were
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monitored throughout this work.
So,

6.023010%° [V, I [(DO,,,

= 0 photons §' cm”?
Vz D]510 B‘sm WFe2+ K Hl_lo )

C-2 Irradiation with monochromator

For the determination of quantum vyields of hydrosadicals, solutions were irradiated in
monochromatic parallel beam in 1 cm (path lengtigrtg cell. The light source was a xenon
lamp (1600W) equipped withschoffelmonochromator. Figure 11I-C-1 gives a picturelod t
monochromatic irradiation device. The monochromatiadiations were carried out
separately at wavelength 365, 313 and 296 nm. igig Intensity was measured by
ferrioxalate actinometry (Calvert and Pitts, 196B)e photon flux of the monochromatic

irradiation at different wavelength is listed inblaIll-C-1. When necessary, solutions were

deaerated or oxygenated by bubbling with argorxggen for 30 min before irradiation.

Figure IlI-C-1 Picture of the monochromatic irradiation device

Table I11-C-1. Photonic flux at 365, 313 and 296 nm

Airr (nm) 365 313 296

lo (10" photon-8-cmi?) 4.25 1.40 0.83

All the quantum yield calculations depend on tHefeing formulas (1), (2), (3) and (4):
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_AC [6.02316° 0

1
I, [t OF @
I _
_a :1_10 DOy (2)
I 0
So we can get formula (3).
AC[6.023116° 0
(3)

1, - 10 "% )
Where 1-1F°M" represents the percentage of the light absorptothe wavelength of
irradiation by the solution when t = j,is the number of the photons entering the reaction
cell per second determined by actinometry aiglthe length of irradiation cell in cAC is
the amount of HTPA produced during the irradiatperiod At. f is the yield of HTPA
produced in the reaction G®H with TPA. In oxygen-containing solutions and gep-free
solutionsf is equal to 35% and 84% respectively (Faetgal, 1996; Millington and
Kirschenbaum, 2002). For the quantum yields, thgearmental error was estimated to 5%.

C-3 Irradiation centered at 365 nm

For the photodegradation of E2, the irradiationegkpents were performed in a home-made
photoreactor placed in a cylindrical stainlesslsteatainer. The reaction device consists of
four tubes (Philips TLD 15W / 05), whose emissipearum is from 300 to 500 nm with a
maximum irradiation at 365 nm (Figure 111-C-2). Haefour tubes were separately placed in
the four different axes, while the photoreactorwater-jacketed Pyrex tube of 2.8 cm
diameter, was placed in the center of the setugu¢Eilll-C-3). The solution (usually 100
mL) was continuously magnetically stirred with agnatic bar during irradiation to insure

its homogeneity.
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Figure 111-C-2. Emission spectra of tube Philips, T.D 15W/05.

Figure 111-C-3 Home-made photoreactor with four tubes (Philips TLD 15W / 05)
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C-4 Irradiation with Metal halide lamp

For the quantitative determination of hydroxyl k@&iformation in the Montmorillonite
(Shaoxing, Zhejiang, PRC), the experiments wasg@t a photoreactor as shown in Figure
llI-C-4. The photoreactor was designed with a ayfical cell (25.5 cm length, 9.5 cm
diameter, 4 mm wall thickness), and the lamp witglass-jacket was fixed through the
central axes of the cell. The light source was@\85metal halide lamp (MHL, > 365 nm,
250 W, Wuhan Yaming lamp Co. Ltd., China). The acefarea of the lamp is about 326 cm
and exposed area of the solution is about 698 dime light intensity was 34 pW ém

=
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which was detected by an irradiance meter (FS typ&ian Photoelectric Instruments Co.
Jiangsu, PRC). A total volume of 400 mL of suspemstontaining 7 mM benzene and
desired amount of montmorillonite was prepared. Phevalues of the suspension were
adjusted from 2.0 to 10.0 using 0.01 M HCI or NaQHen, the aqueous clay suspensions
were transferred to the photochemical reaction dieanand photolyzed under a Metal
Halide Lamp for a period of 6 h. The temperatur¢hefirradiated solution was maintained
at 25 + 1°C by circulating water and a magnetic stirrer wasduto agitate the suspension
during irradiation. An aliquot of 2 mL was withdravat different time and centrifuged at
10000 rpm for 30 min. Control experiments wereiedrout under identical conditions, but

in the dark. Determination of the blank was alswied out in a similar manner without clay.

Water out -=—

/:\ _
\*— Water in
250-W metal halide lamp
Water jacket
Beakef ———8  » Reaction solution
[Bhix

Stirring bar——— el
)

Electromagnetic stirrer —>

Figure 1lI-C-4 Scheme of the experimental setup fophotooxidation of benzene. Lamp: 250-W
metal halide lamp,kex> 365 nm,| = 34 pW cni.

D-Analysis method

D-1 Minerals

Powder X-ray diffraction patterns were recordedac8iemens D501 diffractometer using
CuKa radiation § = 1.5415 A). Patterns were recorded over the R.@97range in steps of
0.08° with a counting time per step of 4 secondie dhemical compositions of the samples

were analyzed by a S4 PIONEER X-ray fluorescencectspmeter (XRF). Transform
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infrared (FT-IR) spectra were measured in the ra@fe4000 crit on a FTIR Nicolet 5700
spectrometer (Thermo Electon Corporation) equippeth a Smart Orbit accessory.
Transmission electron microscopy (TEM) images wéaken using a Hitachi 7650
microscope at an acceleration voltage of 80 kV.pfepare the samples, a drop of the
solution containing the materials was depositedaocarbon coated grid and let to dry.
Nitrogen adsorption- desorption were performed1&6-°C with a Micromeritics ASAP
2020. Before analysis, samples were pre-treat8@ &€ under vacuum for 12 h. The surface

areas were estimated by using the Brunauer-Emneéigr ethod.

D-2 Chemicals

D-2-1 Spectroscopy methods

UV-vis Spectrophotometer

The UV-visible spectra of the solutions were reedrebn a Cary 300/3 double beam
spectrophotometer.

Fluorescence spectrometer

The fluorescence spectra of the solutions wererdecbon a LS 55 luminescence
spectrometer (Perkin Elmer).

For measurements of TAOH, the excitation wavelengds set at 315 nm and the
emission wavelength at 433 nm. The excitation anidg€on band passes were both set at 10

nm.

D-2-2 Chromatographic methods

Two HPLC systems were used for product analysis:
HPLC Alliance chromatograph equipped with watersr®24Multi A Fluorescence
detector, waters 2487 DuaAbsorbance detector and waters 2695 separatioisiiglo
HPLC (LC-10AT, Shimadzu, Japan)

Two HPLC columns were used in the work:
A NUCLEODUR 100-5 C18 of 4.6 mm (ID)x150 mm (lenpthith a particle diameter
of 5 um.
A Kromasil C18 column of 4.6 mm (ID)x150 mm (lenpthith a particle diameter of 5
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pm.
The conditions of HPCL for the analysis are théolwing:

a. To analyze E2, a mixture of water containing f8fmnic acid and acetonitrile (55/45,
v/v) was used as mobile phase and the flow rate @smL min'. The UV detection
wavelength was set at 280 nm and the fluoresceetsztibn was set at 280 nm excitation
and 300 nm emission.

b. To analyze EDDS, the mobile phase was a methdoohate buffer (2 mM
tetrabutylammonium hydrogen sulfate and 15 mM sodacetate, pH adjusted to 4.0 with
acetic acid) (20:80, v/v) and the flow rate wasmlOmin-1. The detection wavelength was
set at 254 nm.

c. To analyze TAOH, a mixture of water containirig 3ormic acid and acetonitrile
(80/20, v/v) was used as mobile phase and theréwewas 1.0 mL mih The UV detection
wavelength was set at 254 nm and the fluoresceetsztibn was set at 320 nm excitation
and 434 nm emission.

d. To analyze Phenol, the mobile phase was metheater mixture (70/30, v/v) at a
flow rate of 1.0 mL mift. The formation of phenol from benzene was monéit@e280 nm.

D-2-3 Dosage methods

Fe(ll) and total iron

Fe(ll) concentration was determined by complexoyneith ortho-phenanthroline, using
=1.118 x 16 L mol™* cmi* for the Fe(Il)-phenanthroline complex (Calvert @itts, 1966).
Fe’* ions were reduced to Fewith excess of ascorbic acid to determine thel tota
concentration of iron ions.

A certain quantity of Fe(NE>SO; solution was used as Fe(ll) sources to make a
calibration curve (as shown in Figure 11I-D-1). Timlar absorption coefficient was 11420
L mol™ cm ™, which is nearly the same as the reference vahd¢gm= 11180 L mol* cm ™.

By means of the calibration curve, it was carefudhecked that no interference in the

analysis was observed when E2 or EDDS was preséheisolution.
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Figure 11I-D-1 Calibration curve of Fe(ll) concentr ation

Hydroxyl! radicals

Scavenging of OH by TA

Terephthalic acid dianion (TA) has proven to beeapecially convenient hydroxyl radical
trap, which can be used to estimate relative ansoohthydroxyl radicals’QH) formed
under varying conditions (Barretet al, 1995; Fanget al, 1996). TA which is not
fluorescent, gives a single fluorescent producty@rbixyterephthalic acid (TAOH) in the

reaction with the hydroxyl radical as describedHtwy following reaction:

COO COO
OH
+ ‘'OH—— + H°
COO COO

Reaction of TA to form TAOH is highly specific towels’OH; other common oxygen radical
species, such as the superoxide anion and orggdioperoxides, have failed to produce
TAOH fluorescence directly (Millington and KirscHesum, 2002). Because of the
symmetrical structure of TA, there is only one fasfithe monohydroxylated adduct.

In the experiments, high concentration of TA (0.B)rwas used in order to make sure
trap all of the hydroxyl radicals formed. The comiations of photochemically formed

hydroxyl radicals were determined as:

48



Con= Craon/ f
f is the yield of TAOH produced in the reaction’@H with TA. In oxygen-containing
solutions and oxygen-free solutiohss equal to 35% and 84% respectively (Fabgal,
1996; Millington and Kirschenbaum, 2002).

The concentration of TAOH was detected by Fluoease spectrometer and HPLC. It
should be noticed that when using the fluorescespmectrophotometer, the fluorescence
intensity of TAOH was influenced by the pH and ttwa concentration in the solution. The
Calibration curve of TAOH using HPLC detected whaewn in Figure 111-D-2.

8.00E+00%A
| ]
6.00E+00A
©
()
®
'
S 4.00E+00H
a Y = 362175.21+18900900 x|C
. R =0.99799
SD = 1846550
2.00E+007
1 2 3 4 5

[TAOH] (uM)

Figure 111-D-2 Calibration curve of TAOH

Scavenging of OH by benzene

OH
hv

+ . OH —>

Aromatic hydroxylation is one of the typical reacts of"OH and is used for detection of
"OH in the case of Fenton reaction and of the plgsimlof agueous solution of HNONG,

and NQ (Arakakiet al, 1999). Benzene is very unreactive toward(TAg) (Zeppet al,
1987). The hydroxylation of benzeneIl§H to produce phenol is a selective process. Given
the high reactivity of benzene witbH (k= 8 x 16 L.mol™*.s?) (Kochany and Bolton, 1992;
Pan and Schuchmann,1993) and under the conditiotiese experiments, virtually all of
the "OH should have been scavenged by benzene. Theictestrrate of phenol by direct

photolysis and by peroxyl radicals,z(éhg) and other oxidants is expected to be slow by
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comparison to the rate of phenol formation from ‘&l through the oxidation of benzene
(Liu et al, 2004). It was thought thaDH-mediated oxidation of benzene forms phenol with
a nearly 100% vyield (Faust and Allen, 1993; Josapl, 2001; Wanget al.,, 2006), and thus

the concentrations of photochemically formed hygtoadicals were determined as

Con = Cehenol
Where, GrenoliS the concentration of phenol at time t. FiguteDl43 shows the calibration

curve of phenol.

180000
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150000; R =0.999
SD =1136,51
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Figure 111-D-3 Calibration curve of phenol

EDDS
The determination of EDDS is based on the conversfd&cDDS to Cu(ll)-EDDS followed
by HPLC and detected with a UV detector. A 10 mMaofCuSQ stock solution was

prepared. Metal complex solutions were preparechigyng the desired proportions of Cu(ll)
and appropriate complexing agents and diluting wéfonized water. The concentration of
Cu(ll) was kept at 0.5 mM. The solutions were kiepa refrigerator and left to stand over
night to ensure complete complexation. The Calibnaturve of EDDS was shown in

Figure IlI-D-4.
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Figure 111-D-4 Calibration curve of EDDS concentration
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IV

RESULTS AND DISCUSSION
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|V-Results and discussion

IV-A Physicochemical property of E2, Fe(llI)-EDDS,and Minerals

A-1 Property of 178-estradiol

Tl

HO

17p-estradiol (E2)
The UV-visible spectrum of the solutions with difet concentrations of E2 is presented in

Figure IV-A-1. It has one band with maximum absmnptat 278 nm. No absorption was
observed at > 300 nm. The molar absorption coefficienis equal to 1900 L mdlcm™at

278 nm as shown in Figure IV-A-2.

Absorbance

200 250 300 350 400
wavelength (nm)

Figure IV-A-1 The UV-Visible absorption spectrum of E2 solution with different concentration
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Figure 1V-A-2 Molar absorption coefficients at 278nm.
The other important chemical and physical properdEE2 were shown in table IV-A-1.
The water solubility of E2 is very low. In this wgmo organic solution was used to help
dissolving E2 in the water solution. The maximahaentration of E2 in water can be

reached to 2@M under the ultrasonic waves.
Table IV-A-1 Chemical and physical properties of E2

17p-estradiol

CAS number 50-28-2

molecular formula @H240,

molecular weight 272.39

melting point 178-179 °C

Odor and appearance Odorless; white to pale yaltyatals
Amax 278 nm

logKow 4.01

pKa 10.4

Solubility in alcohol, acetone, dioxane, fixed dika

hydroxides, sparingly soluble in vegetable
oils

Water solubility 3.99 mg t or 14.66uM
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A-2 Properties of Fe(ll)-EDDS

A-2-1 Properties of EDDS

EthylenediamineN,N'-disuccinic acid (EDDS), like EDTA and DTPA is a mieer of the
aminopolycaroxylate group of compounds. It is acttrral isomer of EDTA, and exists as
three stereo isomers, namely [S,S]-EDDS, [R,R]-ED&®& [R,S/S,R]-EDDS (Figure
IV-A-3). Among them, [S,S]-EDDS is readily biodededle. It has been proposed as a safe
and environmentally benign replacement of EDTAgovironmental remediation product as

it is also a strong complexing agent. In this w¢8S]-EDDS was used.

e A T o
H  HOO  H : 4 ooH

[S, S]-EDDS [R, S]-EDDS or [S, R]-EDDS
H COH H
Hozc\><N/\/ N?(\COZH
H COH
[R, RI-EDDS

Figure IV-A-3 Chemical structures of the differentstereoisomers of EDDS.

UV-Visible absorption spectra of EDDS as functidrmpbl was shown in Figure IV-A-4.
The results show that the absorbance increases&et®00 and 240 nm when the pH
increases. This effect was accelerated at basid pble IV-A-2 lists the EDDS dissociation
constants of EDDS in the form of pKa, which is tiegative of the logarithm of the acid
dissociation constant Ka (Vandevivestal, 2001).
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Figure IV-A-4 UV-Visible absorption spectra of EDDSas function of pH ([JEDDS] = 0.2 mM).
Table IV-A-2 pKa of ethylenediamine-disuccinic acidEDDS) (25°C, 0.1 M KNQ). (Vandevivereet

al., 2001)
pKa
pK1 2.4
pK> 3.9
pKs 6.8
pK4 9.8

Consequently, EDDS equilibrium in the solutionsdescribed here, Eq. (1) - (4). For

simplification, EDDS molecules were substitutedHyA.

HiA—H +HzA K (1)
HsA >H +H,A% Ko (2)
H,AZSH +HAY K (3)
HAYSHY+AY K (4)

Using the following equilibrium equation and theudifprium constants from Vandevivere
et al, 2001, the distribution diagram was calculated simown in Figure IV-A-5. Between
pH 2.4 to 3.9, pH 3.9 to 6.8, pH 6.8-9.8 5/, [H2A?], [HA®] was the dominate species
respectively.

_[H.A] _ [H]*
° C [H+]4+K1[H+]3+K1K2[H+]2+K1K2K3[H+]+K1K2K3K4
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_HAT_ K[H'T°
FTC HTT K P H KK KKK H T+ K KKK,

s J[HATT_ KoK [H T’

? C [H+]4+K1[H+]3+K1K2[H+]2+K1K2K3[H+]+K1K2K3K4
s HAT] K4K K [H ]

3

C  [H'T*+K[H P+ KK [H'? + KKK H T+ K KKK,

8 _[A4_] — K1K2K3K4
! C [H+]4+K1[H+]3+K1K2[H+]2+K1K2K3[H+]+K1K2K3K4

Figure IV-A-5 Distribution diagram of EDDS aqueoussolution as a function of pH values range

from O to 14, calculated with equilibrium constantsfrom Vandevivere et al. (2001) at 25(7.

A-2-2 Properties of Fe(111)-EDDS

Our laboratory have done some work on the physematal properties of Fe(lll)-EDDS
complex. Fe (lll) is complexed by EDDS with a ratid (Zhang, 2008). The Fe(lll)-EDDS
complex is stable in the dark and at room tempegaitileast 10 days.

The UV-Visible spectrum of Fe(lll)-EDDS solution tidifferent concentration (pH =
3.88) was shown in Figure IV-A-6. The complex has band with maximum absorption at
239 nm. No absorption was observed at 500 nm. The molar absorption coefficieats
equal to 6530 L maicm*at 239 nm as shown in Figure IV-A-7.

Figure IV-A-8 shows the UV-Visible absorption speocbf aqueous solutions with 0.1 mM
Fe(ll)-EDDS complex changes with the modificatiminpH value from 1.74 to 11.06. The

57



stability constants of Fe(lll)-EDDS complex in aqus 0.1 M NacCl at 28C are given table
IV-A-3 (Orama M.et al, 2002). The distribution diagram of Fe(lll)-ED@§ueous solution
as a function of pH values range from 0 to 12 wesw in Figure IV-A-5 (Orama Met al,,
2002). FeLwas the dominant species between pH 2-8. The ajppate pH ranges suitable
for the use of EDDS as a chelating agent complewiitiy Fe(l1l) are 3-9.

0.9
0.8\
. \\
071 100uM
g 06{| | 80uM
S 0.5 60uM
a 40uM
2 o 20uM
8 0.3
0.2]
0.1
0.0
200 400 600 800

wavelength (hm)

Figure 1V-A-6 UV-Visible spectrum of Fe(lll)-EDDS solution with different concentration (pH =

3.88)
0.7-
0.6 Y = 0.00945 + 0.00653 * X
R = 0.9999
0.5- SD = 0.00329

o
e

Abs (at 239 nm)
o
+

0.2
0.1
0 40 60 80 100
Cre.co0s (HM)

Figure IV-A-7 Molar absorption coefficients at 239nm
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Figure 1V-A-8 UV-Visible absorption spectra of Fe(l)-EDDS solution under different pH
(Fe(Ill)-EDDS 10™* M)

Table IV-A-3 Stability constants of Fe(lll)-EDDS camplex in aqueous 0.1 M NaCl at 28C.

Reaction Log (K+3) [S,S]-EDDS
Fe* + L* — Fel 20.6 0.2
Fe(OH)L* + H" — FeL 7.9+0.1
Fe(OHYL*> + H" — Fe(OH)L* 9.9+0.1

Photolysis of Fe (llI)-EDDS complex ( 0.1 mM) wasadied in the aqueous solution under
different pH. The Results were shown in Figure IMAThese results indicated that under
365 nm, these complexes were easily photolyzeditapdovided the possibility for the
formation of excited state complexes and furtheregated many kinds of radicals. Figure
IV-A-10 showed the absorbanceiat 240 nm of the Fe(lll)-EDDS complex at the diéfet
time under the different pH during irradiation. Thesults shows that at lower pH, the
absorbance at = 240 nm decreases faster. But it seems thaighehipH, there are more

new species formed in the solution.
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Figure 1V-A-9 UV-Vis spectrum of monochromatic irradiation of Fe(lll)-EDDS solutions at

different pH (Fe(lll)-EDDS 0.1 mM, A = 365 nm, Monochromator (Xe Schéffel 1600W) (a) pi3; (b)
pH 4; (c) pH 5.1; (d) pH 6; (e) pH 7; (f) pH 9.1.

62



Abs (240 nm)

t (min)

Figure IV-A-10 The A, = 240 nm (Fe(l11)-EDDS) at the different time under the different pH

A-3 Characterization of the minerals

In this thesis, KSF, NM, Goethite are chosen asitbdel minerals, that is due to their quite
different surface properties and composing thestkfit concentration level of free iron ions
and structural iron in the minerals, which wouldiph@nderstanding the iron role in
photochemical process of mineral-EDDS system. Theanical compositions of KSF and
NM were determined by XRF (shown in Table IV-A-&iO, and AbO; are the main
constituent of KSF and NM. Goethite is composedFy03;. KSF and NM also contain
relative high and similar amount of J&g, which is 4.76% and 4.28% respectively. But there
are more amount of free iron ions in KSF than thalM. In 1 g L* KSF suspensions at pH
3, about 100 pM iron is detected. In 1§ NM suspension at pH 3, almost no iron could be
detected. Thus, the most iron in NM is structurahi In 1 g L* Goethite suspension at pH 3,

about 10 uM is detected, which is very small.
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Table IV-A-4 Chemical compositions of the minerals

component NM KSF Goethite
NaO 2.22 0.0573
MgO 2.44 4.31
Al,O3 21.8 16.3
SIiO, 66.4 49.1
P,Os 0.0508 0.0547
SG; 0.72 22.3
K0 0.522 0.495
CaOo 1.24 2.30
TiO, 0.166 0.210
MnO 0.0134 0.0191
Fe,0O3 4.28 4.76 100
NiO 0.00529
CuO 0.00701 0.00756
ZnO 0.0112 0.0153
Ga0s 0.00486 0.00372
Rb,O 0.00376
SrO 0.0388 0.00838
Y203 0.00705 0.00731
ZrO; 0.0356 0.0503
BaO 0.0300 0.0680
Cl 0.0141
Nb,Os 0.00535
Th40O, 0.000616
PbO 0.00533
ThO, 0.00584
Compton 0.96 0.89
Rayleigh 1.34 1.3

The surface area and porous volume of the minemals shown in Table IV-A-5. Goethite
displays a relatively high surface area whereas Wgpears as non-porous solid. The
surface area measured for NM is in agreement walnes reported in the literature for

untreated Montmorillonite.

Table IV-A-5 Surface area analysis
T

SEET m2 g'l V porouscm3 g
KSF 5 0.005
NM 32.0 0.09
Goethite 71 0.23

The XRD patterns of the minerals are shown in Fagi¥-A-11. For the goethite we
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synthesized, the XRD pattern mainly displays thgcigl diffraction lines of pure goethite.
For the NM, the diffraction lines characteristicMbdntmorillonite are observed on the XRD
pattern conjointly with lines corresponding to daaf2 =26.8), not completely removed
during the clay purification. The 001 line corresfe to the expected interlayer value of
1.22 nm for N& intercalated montmorillonite. For the KSF, difftian lines correspond to
the Smectite clay characteristic lines (similar Nd1) but we note many additional
diffraction lines due to impurities. XRD patterns KSF/NM/Goethite after irradiation of
the minerals, noted KSF/NM/Goethite IRR, were atsmrded. No difference was observed
on the XRD patterns before and after irradiatiordencing that the irradiation did not

modify the mineral structure.

Q = quartz

Q
KSF
w}\}w KSF IRR

M

T y T J T y T T T T T T
10 20 30 40 50 60 70

2 theta (°) (CuKa)

Intensities (cps)
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Q = quartz
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(221)
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Figure 1V-A-11 Powder XRD pattern of the montmorillonite KSF, NM, Goethite.

FT-IR spectra of the minerals before and afterdigton, with and without EDDS are
shown in Figure IV-A-11. On the IR spectra of NMetband at 3620 chcan be attributed
at the OH stretching vibration whereas the bantié86 cm' correspond to the interlayer
water deformation vibration. The band at 1112*ds1due to the Si-O stretching. For the

KSF, most of the bands are similar to those obskovnethe NM spectra. However, we note a
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net modification of the vibration due to hydroxylogp, with a large band between 2600
cm® and 3300 cil. For the goethite, the band between 3600-3306ismssigned to the
H---O---H vibration §). This band is a typical mode of non-stoichiontehydroxyl units
(excess of water) in the goethite structure. Ty tof hydroxyl units can be incorporated
into goethite structure and adsorbed onto the argstrface during the process of synthesis.
Goethite can also adsorb hydroxyl units from theasphere. The most intense band at
3300-3000 cnt is assigned to the O---H stretching vibraties).(Finally, the band at 890

cm® and 620 cnfare assigned to O-H bending vibration and Fe-Otctieg vibration
respectively.

& o b
b=
S A~ NMIRR JL/V
™ A____N
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8 T U T 8 T U T J T U T J T
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Figure IV-A-12 FT-IR spectra of KSF, NM, Goethite

The isoelectric points (PI) of the minerals ar@alstected. As shown in Figure IV-A-13,
the measures of zeta potential are not satisfadtwri(SF. It have been reported the PI of
KSF is 5. For the NM, the isoelectric point is lavilean 3. The isoelectric point of natural
Montmorillonite is reported to be around 2. In tase of goethite, the isoelectric point was
observed around pH 4.0. The zeta potential isivelgtlow in magnitude at high pH that
indicates that the repulsive force between padidte relatively low. The PI values of

goethite reported in the literature are highehmitange from 7.4 to 9.5.
10

6{ '\\\\,//// KSF

zeta potential (mV)
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Figure IV-A-13 The isoelectric point (PI) of the mnerals

Transmission electron microscopic (TEM) images e minerals are shown in Figure
IV-A-14/15/16. In the case of KSF, small partici#sdefined strongly associated together
are observed, this clay does not swell in wateerEafter two days of stirring, homogenous
dispersion is not obtained and big aggregatestidirpresent in the solution. For the NM, we
note the presence of large platelets associatestibmicronic aggregates. Concerning the
synthetic goethite, the TEM images show the foramabf well-defined small needle like
particles stacked face to face with sizes in tingezof 30 nm to 70 nm.

Note that the acido-basic properties of the surf#cie three solids are rather different.
Indeed, once in suspension the solid modified thatisn pH. Values of 7.7, 9.0 and 3.7 are

respectively measured for Goethite, NM and KSF.
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Figure IV-A-14 TEM image of KSF
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Figure IV-A-15 TEM image of NM
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Figure IV-A-16 TEM image of Goethite

IV-B Photodegradation of E2 in the Fe(llIl)-EDDS conplexes solution

In this part, the photochemical impact of Fe(lIIDBS complex on the quantum yield of
*OH formation and on the degradation ofde&tradiol (E2) was investigated. The reaction
rate constants withOH of E2 and EDDS were also evaluated. The phothpriion of E2
identified in the Fe(lll)-EDDS complex solution dhy the irradiation.

B-1 Quantum vields of'OH formation in Fe(lI)-EDDS complex

In this work, the quantum vyields 6OH formation from Fe(lll)-EDDS complex solution
under irradiation was investigated. The main infiiag factors, such as pH, the
concentrations of Fe(lll)-EDDS, irradiation wavejgimand Q were examined.

The stoichiometric ratio of the Fe(lll)-EDDS comyie 1:1, which was established by the
molar ratio method (Zhang, 2008). The UV-Vis absiorpspectra of Fe(lll)-EDDS aqueous
solutions is not pH dependent in the domain 3 <<pH Between 7 and 9, a small decrease
of absorbance was observed at wavelengths higharaB0 nm. Absorption started at 400
nm with a shoulder at 239 nm € 6530 M* cm®), exhibiting an important overlap with
solar emission (Figure 1V-B-1). The irradiation exinents were mainly performed at 365

nm. This wavelength is sufficiently energetic tousa the photochemical process of
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Fe(ll)-EDDS. For TA, no significant absorption watetected above 295 nm. The
absorption of TA did not interfere at the irradietivavelengths used.

The Fe(lll)-EDDS complex was stable in the dark ahdbom temperature for at least 10
days. But under irradiation Fe(lll)-EDDS was quicklhotodecomposed. The UV-Visible
absorption spectra of Fe(lll)-EDDS solution at pld Bnder monochromatic irradiationjat
= 365 nm is shown in Figure IV-B-2. The Fe(lll)-EBDcomplex was almost completely
decomposed after 10 min of irradiation.

The mixture of TA and Fe(lll)-EDDS was thermallgiste. There was neither precipitation
nor redox reaction in the dark at room temperatNceTAOH formation was observed in the
dark in the TA and Fe(lll)-EDDS mixture solutiolA®H was detected in the Fe(lll)-EDDS
and TA solution under irradiation, which proved themation of OH by the photochemical
reaction of Fe(lll)-EDDS.

2.0- 40

35
1.59 sunlight spectru 30
o | Q:,
< 1250
8 1.8
o 1.01 4200
0 >
_<?Z 1 15 0
Fe(ll)-EDDS ] (,3:“
0.5+ 1105
|73
E2 15 Ny

0.0 - . - . 0
200 300 400 500

wavelength (nm)

Figure IV-B-1 UV-visible absorption spectrum of E2(6 uM), Fe(lll)-EDDS (100 uM), TA (100 uM)

and emission spectrum of sunlight
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Figure 1V-B-2 UV-Visible absorption spectra of Fe(ll)-EDDS solution at pH = 3.0 during
irradiation ([Fe(ll)-EDDS] = 1x10 * M, A = 365 nm)

B-1-1 Effect of Fe(l11)-EDDS complex concentration

Quantum yields ofOH (®on) from photolysis of Fe(lll)-EDDS complexes were asered
with different Fe(lll)-EDDS concentrations at pH(&,; = 365 nm). As shown in Table
IV-B-1, ®oy was independent of the Fe(lll)-EDDS concentratMnen the concentration
of Fe(lll)-EDDS complex is high, the flux of abserbphotons is larger, which generates
more "OH radicals, so the generation rate’©H radicals increases. The increas€ @
formation rate is the consequence of the incred$gaaused by the increase of the optical

density ODQj, of the solution, resulting in an invariant quantyield.
Table IV-B-1 Quantum yields of‘OH as a function of Fe(lll)-EDDS concentration (pH= 6, Ai, =

365 nm)
[Fe(lll)-EDDS]
25 50 75
(kM)
Doy 0.021 0.024 0.026
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B-1-2 Effect of pH

The pH is a very important parameter that affetts species and stability of the
Fe(ll)-EDDS complex in solution, and consequemtigy have considerable influence on
the photochemistry reaction of Fe(lll)-EDDS. In tast to earlier studies published, which
were carried out only at low pHs, we investigatieel Fe(ll1)-EDDS system over the entire
environmentally relevant pH range: 3@®H < 9.0. As shown in Table IV-B-2, the quantum
yield of "OH increased with the increase in pH. This resuitriexpected and interesting. In
previous studies, the quantum yield ©H was much higher at acidic pH, and the optimum
pH for the formation of OH was limited between pH 3.0 and 4.0, whateverR&dll)
aquacomplexes or the Fe(lll)-carboxylate compleXgg(lll)-oxalate, Fe(lll)-citrate)
solutions (Wuet al, 1999). At higher pHs, the quantum yield decrdas®d was negligible
at pHs close to 7.0. On the contrary, in the preseof Fe(lll)-EDDS complexes, the
guantum yield of OH radical formation was higher at higher pHs moetevant to the
natural environment. This interesting result cobkl explain by the formation of ;8.
(reactions (3) to (6)) which is mainly governedthg reactions (3) and (5). At higher pH
(higher than 4.8, the pKa of the couple H0," ") where Q" becomes the dominant reactive
oxygen species, the formation ob®4 is an order of magnitude faster than at lower pH.
Moreover, the ‘OH radical formation depends also to the possildeméation of
Fe(ll)-polycarboxylate complex, formed with the rétagy organic compounds or its
oxidation compounds obtained after the first phbémical reaction. In the case of
ferrioxalate complex the formation dH with H,O, is 3 to 4 orders of magnitude higher
than with Fe(ll) aquacomplexes (comparison of @astants of reactions (9) and (10))
(Sedlak and Hoigne, 1993). The speciation of swegfi)Fcomplexes (not known for EDDS)
could explain the difference observed between ERB&other polycarboxylate complexes
for the quantum yield ofOH radical as a function of pH.
Fe(ll)-L + hv — [Fe(ll)-L] * —> Fe(l) + L (1)
L'+ O, -0, "+ U (2)
Fe(ll) + O + 2 O — Fe(ll)+ H,0,+ 2 OH k=1.0x10M%s*  (3)
Fe(ll) + HO, + H,0 — Fe(ll) + H,O,+ OH k=1.2x 16 Ms* (4)
HO, + O, + HO — Hy0, + O, + OH k=9.7x 10M's* (5)
HO, + HO, —» H,0,+ O, k=8.3x18M7's’  (6)
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Fe(lll) + HO, — Fe(ll) + 3 + H* k<1 x18M7st (7)
Fe(ll) + O — Fe(l) + @ k=5x16M7'st (8)
H,O, + Fe(ll) — Fe(lll) + "OH + OH k = 63 M's® (9)
Fe'(C,04) + H0, — F"(C,0.)" +'OH + OH k=3.1x 16M's? (10)
Table IV-B-2 Quantum yields of ‘OH as a function of pH ([Fe(ll)-EDDS] = 10 M, A, = 365 nm)

pH 3.0 4.0 5.1 6.0 7.0 8.0 9.0
Doy 0.0025 0.0091 0.019 0.025 0.034 0.051 0.069

B-1-3 Effect of wavelength

The influence of irradiation wavelength on the quamyields of OH formation (Oop) from
Fe(ll)-EDDS complex photolysis was examined at, 2883 and 365 nm ([Fe(ll)-EDDS] =
1x10* M, pH = 6.0). As shown in Table IV-B-3, the quamtyields of'OH obviously
increased with the decrease of wavelength. Thisltress attributed to the kinetic energy
required for the ejection 6©OH radicals from the solvent cage (Benkelberg araanéctk,
1995). Decrease of the wavelength increased thel lel excitation, thus raising the
guantum yield ofOH.
Table IV-B-3 Quantum yields of OH formation as a function of wavelength ([Fe(Il)-EDDS] = 10*
M, pH = 6.0)
A (nm) 365 313 296
Do 0.025 0.037 0.040

B-1-4 Effect of oxygen

Oxygen is an important parameter in the photochalpiocesses. Experiments were carried
out to study the oxygen effects on the quantundyal OH formation ([Fe(lll)-EDDS] =
1x10* M, pH = 6.0, \i;y = 365 nm). As shown in table IV-B-4, the quantuields of OH in
deaerated solution is very low, almost twenty tintmser than that in aerated solutions.
Therefore oxygen is involved in the photocatalytiocess of Fe(lll)-EDDS to forrrOH.
According to reaction (2), oxygen trapped the etatbn the carbon centered radical formed
after the Fe(lll)-(amino)polycarboxylate complexopdredox process, then thg Gormed
rapidly reacted to finally result in the formatioh hydroxyl radical (reactions (3) to (9),

(10)).
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Table IV-B-4 Effect of oxygen on the quantum yield®sf "OH formation ([Fe(lll)-EDDS] = 1x10™* M,
pH = 6.0,A;, =365 nm)

Aerated solution Deaerated solution

Doy 0.025 0.0011

B-1-5 Comparison with the aguacomplex Fe(OH)?

The quantum yield ofOH formation was also measured by photolysis oF8t" in our
experimental conditions ([Fe(lll)] = 1 mM; = 365 nm). Among iron aguacomplexes,
Fe(OHY" is the most active species for photochemical prtdn of hydroxyl radicals.
Under our experimental conditions, we obtainedvidee of 0.044, which is approximately
twenty times higher than the quantum yield"®H formation during the photolysis of
Fe(ll)-EDDS at pH 3 (Table IV-B-2). The quantumelds of "OH formation for
Fe(lll)-aguacomplex photochemical reactions havenbeported in several studies. It was
reported that the quantum vyield for photolysis ef®HY* was 0.01-0.07 at the wavelength
of 360-370 nm (Wiet al, 1999, Sedlakt al, 1993); for F&", the quantum yield was 0.065
at 254 nm (Weet al,, 1999) and approximately 0.05 at wavelengthsvwa@00 nm (Wuet al,
1999); for Fe(OH),", the quantum yield was 0.007 at 350 nm (Benkella@d) Warneck,
1995). The quantum yield 6OH formation by photolysis of Fe(OF)obtained in this
study is in good agreement with the literature galat the wavelength of 365 nm obtained
in the previous studies. When comparing the vafug @4 with the quantum yield 6OH
formation by Fe(lll)-EDDS at pHs higher than 5, thalues are of the same order of
magnitude. In addition, the quantum efficiencyttoe photolysis of Fe(lll)-EDDS is higher
at higher pHs, so the effect of Fe(lll)-EDDS is maelevant to the natural environment.
Moreover, it is important to note that the concaetidn of soluble iron aguacomplexes is
negligible at pHs higher than 5.0 and consequetftéy quantum yield ofOH radical

formation is negligible too.

B-2 The rate constants for the reaction ofOH with E2 and EDDS

The reaction rate constants withH of E2 and EDDS, which could allow an assessmént
their relativity, are not available. The rate camés were measured by competition kinetics

with 2-propanol, a compound of known reaction rad@stant with the hydroxyl radical.
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Nitrate photolysis was used as sourc&Qifl, which would induce the following reactions in
a system containing also 2-propanol and E2 or EDDS:
NO; + H' O™~ °‘OH+°'NO, [R.oq] (A =313 nm) (1)
CH5;-CHOH-CH; + "OH— CH3-CHO'-CH; + H,0 le=19x1M'sY (2
EDDS +°'OH — Photoproductkepps..or] (3)
E2 +°OH — photoproducts [ .or] (4)
The application of the steady-state approximation[ ©OH] vyields to the following

equation to describe the initial degradation rdt&? or EDDS, as a function of its initial
concentration and of that of 2-propanol, [2Pr]:

_ d[E,/EDDY _  R.ouKesepns; o/E2/EDDS]
dt kEZ/EDDS: ol E2/EDDS}+ k,[2Pr]

(5)

Figure 1V-B-3 and Figure 1V-B-4 report the initidegradation rate of E2 and EDDS upon
UV-vis irradiation of 0.1 M N@ at pH 3, as a function of the initial concentratiof
2-propanol. An almost complete inhibition of thegdedation of E2 and EDDS was
observed at the highest adopted concentration @fo@anol, suggesting that the
transformation of E2 or EDDS is mainly due to tleagtion with*OH. This finding is
consistent with the results of control runs, whitlowed that the direct photolysis of E2 or
EDDS was negligible compared to the degradatiom easerved in the presence of nitrate.
The possible reaction between E2 or EDDS ‘&, which in not affected by 2-propanol,
is also negligible compared t@H.

The fitting of the experimental data of Figure 1¥3Band Figure IV-B-4 with equation (5)
yield kez,.on = 6.7x10 M™'s® and kpps, .on = 20x10° M*s™. The value of Ry derived
from the fit was 8.6x18 and 8.4x18 M s* respectively, which is almost the same in the
two cases as expected under the adopted experinsetiap.

The reaction rate constant ghbkonis about ten times higher than theks .on, but in our
experiments, the concentration of EDDS used is alynmore than ten times higher than
the concentration of E2, so the competition betweBbDS and E2 reacting wifl©H should

not be ignored.
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B-3 Photodegradation of E2 in the Fe(lI)-EDDS comfgex solutions
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We used E2 as a model pollutant to investigate phetocatalytic activity of the
Fe(ll)-EDDS complex and the main influencing fastosuch as pH, the concentrations of
Fe(ll)-EDDS, Fe(lll) and @were examined.

The UV-Vis absorption spectrum of E2 in aqueousitsmh displayed one band at 278 nm
(e = 1900 M* cm™®) (Figure IV-A-1). No absorption was observed.at 300 nm. There was
a pKa at 10.4 (Shareef al, 2006) and the solubility in water is evaluate@@uM. Under
our experimental conditions and in the dark, nordégtion of E2 was observed in the
absence or in the presence of Fe(ll)-EDDS. Sinyiléinere was no photodegradation of E2
under irradiation without Fe(lIl)-EDDS.

B-3-1 Effect of Fe(l11) -EDDS concentration

Figure IV-B-5 shows the kinetics of E2 disappeaeaat different initial concentrations of
Fe(l1)-EDDS 0, 5x10, 1x10% 2x10* and 1x1G M at pH 3.0. The rate of E2 degradation
increased with increasing concentrations of Fe@DS in the range of 0 - 2xTQV, but
much higher concentration of Fe(ll)-EDDS such ad@® M inhibited E2 degradation
(Table IV-B-5). These results gave clear evider@ photolysis of Fe(lll)-EDDS could
induce the degradation of E®DH is formed during photolysis of Fe(lll)-EDDSH could
react with both E2 and Fe(lll)-EDDS. When the corication of Fe(lI)-EDDS is high, the
role of Fe(lll)-EDDS as a competitor f0OH reaction is much more important, and as a
consequence inhibits E2 degradation. Therefore, dppropriate concentration of
Fe(ll)-EDDS should be chosen for E2 degradatiog(llF formation was also monitored
during the irradiation time (Figure IV-B-6). The rgation of Fe(ll) by Fe(ll)-EDDS
complex photochemical reactions was very fast. Fe(ill)-EDDS 5x10° and 1x1d" M,
almost all of the Fe(lll) was transformed to Fe(ifi)the first hour, and the concentration of
Fe(Il) remained constant up to 8 hours. But forllBeEDDS 2x10* and 1x1G M, it was
observed that the concentration of Fe(ll) decreasdl irradiation after quick initial
generation. This phenomenon can be due to theaseref pH during the irradiation time. A
very fast increase in the pH of the solution watected when irradiation had just started and
then remained constant. The higher concentratiofe¢fil)-EDDS resulted in the greater
increase in the solution pH during irradiation, fekample, initial pH 3 to 4 for
[Fe(Il)-EDDS] = 10* M and to 6.4 for [Fe(ll)-EDDS] = I& M after 3 h of irradiation
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(Figure IV-B-7).

—m— Fe-EDDSOM
—e— Fe-EDDS 5x10M

‘ —A— Fe-EDDS 18 M
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) 1 < Fe-EDDS 10 M
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Figure IV-B-5 Effect of Fe(lll)-EDDS concentration on the degradation of E2 ([E2] = uM, pH =
3.0).
Table IV-B-5 The initial rate of E2 degradation atdifferent Fe(lll)-EDDS concentration

Concentration 5x 10° M 10°M 2x10*M 10°M
(Fe(Ill)-EDDS)
Initial rate 0.25 0.32 0.64 0.34

(umol L™* min™)

400
Y —=— Fe-EDDS 5x10 M
= —e— Fe-EDDS 10 M
300-“ B A Fe-EDDS 2x10M
| v\v —v— Fe-EDDS 18 M
— \
Z 200{
=0
(D)
L,

0 T T T T T T T T T
0 100 200 300 400 500

t (min)

Figure 1V-B-6 Photogeneration of Fe (ll) as functim of Fe(lll)-EDDS concentration ([E2] =5 uM,
pH = 3.0).
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Figure 1V-B-7 Change of the pH during the irradiation

B-3-2 Effect of pH

Figure IV-B-8 shows the kinetics of E2 degradatairdifferent initial pHs with the same
concentration of Fe(lll)-EDDS (1x10M) as a function of irradiation time. For pH 4502,
6.1 and 8.0, after very fast initial photodegraoiatof E2 in the first few minutes, the
degradation of E2 then slowed down and stoppet@ited0 min of irradiation, reaching a
plateau value without further degradation. At attiahpH of 3.1, the degradation of E2
showed similar behavior during the first 90 mint hfter the plateau, photodegradation of
E2 started again and continued for the remainimgdiation time. The initial quick
photodegradation of E2 was due to the photoredoggss of Fe(lll)-EDDS which induced
the formation of OH and also the decomposition of EDDS. With theod®ggosition of
EDDS, the rate of photodegradation of E2 slowedrdamd finally stopped. After the first
period of time and complete decomposition of Fe@DDS, the photodegradation of E2
depends on the species of Fe(lll)/Fe(ll) aquacorgden the solution. It is well known that
the species Fe(OH) mainly present between pH 3.0 to 4.0, is the mbstoactive iron
aguacomplex. Except under the condition of initiell = 3.1 where the pH of the solution
increased to pH = 4.0, it was observed with otiméfal pHs that during irradiation the
solution pH increased or decreased to neutral pgHarirst few minutes (Figure IV-B-9). So
we observed the continuous degradation of E2 #fteplateau only for the initial pH = 3.1.

However, before 90 min of irradiation, the effiobgrof photodegradation of E2 was pH 8.0
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>pH 6.1 >pH 5.2 >pH 4.0 > pH 3.1, which is iregment with the quantum yield @H
formation as a function of pH.

The concentration of Fe(ll) and Fe(tot) during diiesion was also detected (Figure
IV-B-10). At pH 3.1 and 4.0, the major part of ialtiron (Fe(lll)) present in the solution
was reduced to Fe(ll) within a short period of diedion. At pH = 5.2 and higher pHSs,
almost no Fe(ll) was detected in the solution. Tamult could be explain by the fact that at
higher pH Fe(ll) aquacomplexes is easily oxidized dissolved oxygen and by the
hypothesis of the formation of Fe(ll)-polycarbox@acomplexes and a fast reaction with
H,0,. Moreover, at these pHs the amount of Fe(tot)oliresl in the aqueous solution
decreased very fast due to the degradation of EDBIEh can maintain iron ions in solution.
No new organic species formed from the degradatideDDS are able to complex iron and
avoid its precipitation. In the previous studiesrof carboxylate complex photochemistry,
the formation of Fe(ll) is positively related teetdegradation of organic pollutants (€al,
2008). But no correlation was apparently observetvben Fe(ll) formation and E2
disappearance in our work. So it is supposed tmatdbminant factor that influences the

photodegradation of E2 is not the amount of Féglination.

V\v—y/v\vxx/V\v‘v
"
0.2+ T

.\I

0 100 200 300 400 500
t (min)

Figure IV-B-8 Effect of pH on the degradation of E2([Fe(lll)-EDDS] = 1x10™* M, [E2] = 5 uM).
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Figure IV-B-10 Concentration of Fe(ll) and Fe(tot)during the irradiation (Fe(lll)-EDDS 10 M,

E2 5uM)

B-3-3 Effect of oxygen

As shown in Figure 1V-B-11, ©plays a crucial role in the degradation of E2.Agblution
purging with N, there was almost no degradation of E2 duringdiation. The

photodegradation rate of E2 was much higher withu

tem purging with Q than in

air-saturated solution. This result is in agreenvéttt the effect of @ on the quantum yield

of "OH. On the contrary, in the conditions with airygen
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most Fe(lll) were quickly transformed to Fe(ll) aRe (tot) remaining constant during
irradiation (Figure 1V-B-12). Therefore,,Mas no effect on the photoredox process of iron
complexes. Combined with section IV-B-3-2, this \y@e that the photoredox of iron
complexes as the starting reaction (Fe(lll)-Lv+h [Fe(lll)-L] * — Fe(ll) + L) is fast and

total, but not the key reaction controlling the ambof"OH formation.

—A— Purging with N

—a— Air saturated condition
—e— Purging with Q

Qo
O 0.4
0.2
0.04 \.*”*”t — o — o o ®
0 100 200 300 400 500
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Figure IV-B-11 Effect of oxygen on the degradatiomf E2 ([E2] = 5pM, [Fe(lll)-EDDS] = 1x10™* M,

pH = 3.0).
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Figure IV-B-12 Concentration of Fe(ll) and Fe(tot)during the irradiation ([Fe(lll)-EDDS] = 10 M,
[E2] = 5pM)
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B-3-4 Effect of iron concentration

According to the results for the pH and oxygen @fféhe ratio between Fe(lll) and EDDS
concentrations seems to be very important for wstdeding the photochemical reaction of
Fe(ll)-EDDS. So the photodegradation of E2 witffedent concentrations of Fe(lll) and
the same concentration of EDDS was investigatedshasvn in Figure 1V-B-13, there was
no degradation of E2 without Fe(lll) in the irratiien solution. The initial degradation rate
was increased with a higher concentration of Feg(lbiut the final photodegradation
efficiency after 8 h of the irradiation had the opjte trend. With the higher concentration of
Fe(lll) in the solution, a higher concentration Fé(111)-EDDS complex was formed, so
faster photodegradation of E2 was observed at e¢lgenhing of irradiation. But along with
the quick photodegradation of E2, EDDS was als@kiyidecomposed. After complete
photodegradation of EDDS, Fe(lll)-EDDS was no lang@sent in the solution. Thus, when
the concentration of Fe(lll) was lower, although #tarting efficiency of Fe(lll)-EDDS was
lower due to the low concentration of Fe(lll)-EDOBe reaction of Fe(ll)-EDDS could be
present a longer time. So even the much lower caratgon of Fe(lll) in the solution could
achieve better photodegradation efficiency at tick e

After the first photochemical reaction (Fe(lll)-L v — [Fe(lll)-L] * — Fe(ll) + L),
Fe(lll) is reduced into Fe(ll) and EDDS is oxidizéglut if some EDDS is still present in
solution, Fe(ll) is easily reoxidized into Fe(lithrough the formation of Fe(lll)-EDDS
complex. Therefore, the formation ‘@H radicals and as a consequence the degradation of
E2 photoinduced by Fe(lll)-EDDS complex can corgiiScheme 1V-B-1).

hv
Fe(Il)-EDDS Fe(ll) + EDDS-—> OH
EDDS
O,
Scheme IV-B-1 The cycle of photochemical processBé(ll)-EDDS in the presence of an excess of

EDDS
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Figure 1V-B-13 Effect of iron concentration on thedegradation of E2 ([E2] = 5uM, pH = 6.0)

B-4 Photoproducts

In the Fe(lll)-EDDS system and under irradiatio2, \iEas attacked by the active radicals,
especiallyOH radicals. LC-MS was used to identify the intediage photoproducts. After
3h of irradiation, the total ions chromatogramexction solution of E2 and Fe(lll)-EDDS is
presented in Figure IV-B-14. Several photoprodacésformed. The mass spectra of E2 and
its photoproducts (A, B, C, D, E, F, G) are showrFigure IV-B-15. Peak A present mass
spectra with a molecular ion at 303 m/z, which islentified to be
10-hydroperoxy-17-hydroxy-13-methyl-7,8,11,12,13]1817-octahydro48-cyclopenta]
phenanthren-3¢9,10H,14H)-one. Peak B, C, D, E show identical mass spewith a
molecular ion at 285 (100%), 287 (100%), i.e. +urBa with respect to E2. This can
correspond to several possibilities: formationmbeaho quinone derivative or formation of
a hydroxylation product of the aromatic ring ofrese, or formation of hydroxyquinone
derivative. B, C, D, E are indentified to be estrd;5(10)-triene-3,6,17-triol-¢6175)-(ETT)
(ETT), 3,17-dihydroxy-13-methyl-7,8,9,11,12,13,15116,17-decahydrocyclopenidphe-
nanthren-6-one (ETO), A 7B-dihydroxy-1,4-estradien-3-one (DEO), 2-hydroxyadiol
(2-OH-E2). Peaks F and G show identical mass sp&dth a molecular ion at 269 and 267
m/z, which was estra-1,3,5-(10),9(11)-tetraene-8lib¥-(178)-(ETD-9) (ETD-9) and
estrone (E1) respectively. According to mass infion, an overall scheme of E2

degradation is proposed in Figure IV-B-16.
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The main pathway of E2 involvé®H radicals. There are two possible sites for thech
of 'OH radicals: the aliphatic rings and the aromaitig in the E2 structure. Whe@®H
radicals attack the aliphatic rings, a number ténmediates (alcohols, ketones, and olefins)
maybe formed during the photocatalytic degradatibB2, such as ETT, ETO, and ETD-9.
These single aromatic intermediates are presunfatilyer oxidized through ring opening
reactions into aliphatic compounds containing acidd acetaldehyde. The attack'OH
radicals on the aromatic ring led to the formatioh dihydroxy photoproducts and
guinone-like products, such as 2-HO-E2, and DE@s€&lproducts subsequently underwent
‘OH and HQ' attack, leading to complete mineralization.

C
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Figure IV-B-14 Total ions chromatogram of reactionsolution of E2 and Fe(lll)-EDDS after 3h of

irradiation
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Figure 1V-B-16 Proposed photodegradation scheme &?2

Conclusions

This study gives evidence of the potential rolé-eflll)-EDDS as a photoactive species in
natural waters. For the first time, the quantunmdyi *OH was detected by photolysis of
Fe(ll)-EDDS. The quantum vyield ofOH was independent of the concentration of
Fe(ll1)-EDDS. The effect of @and irradiation wavelength on the quantum yieltiQifl are
very well known and are the same as for any otloerspecies. On the contrary, the effect of
pH is not obvious for this Fe(lll)-EDDS complex. &muantum yield of OH radical
formation was higher at higher pHs between 3.0 ar@ This result is particularly
interesting in terms of the natural environment. rr€gpondingly, E2 could be
photodegraded by the photolysis of Fe(lll)-EDDSjahihs influenced by the concentration
of Fe(lll)-EDDS, pH, @ and the concentration of Fe(lll). The rate of Eymhdation
increased with the increasing concentrations ofl[FDDS in the range of 0-2xIbM,

but much higher concentration of Fe(lll)-EDDS suashl1x1G M inhibited E2 degradation.
The effect of pH is complex. Before 90 min of inatbn, the efficiency of
photodegradation of E2 was pH 8.0 > pH 6.1 > pH5pH 4.0 > pH 3.1 as the formation of
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*OH. High concentration of oxygen is favorable foe photodegradation of E2. From the
photoproduction of E2 identified by the LC-MS, wancsee that the main pathway of E2
was attacted byOH radicals. The Fe(lll)-EDDS complex would be wofpiortance for the

transformation of organic compounds in the envirentrdue to its higher photoactivity at

pHs more relevant to the environment.

IV-C-Photochemical formation of hydroxyl radicals catalyzed by

montmorillonite

In this work, we quantified the photochemical fotioa of "OH in aqueous suspensions
containing Montmorillonite (Shaoxing, Zhejiang, PR@der irradiation with metal halide
lamp (MHL) that produced near UV and visible light> 365 nm). The hydroxylation of
benzene to phenol was selected to demonstrateoth@ation of hydroxyl radicals, and
benzene was used as a probe to demonstrate thegtiegideaction induced by illuminated
clay. The influence of clay concentration, pH, exylate anions on the hydroxyl radical

formation were checked. The mechanism of hydroaglaal formation was proposed.

C-1 Oxidation of benzene to phenol

Figure IV-C-1 shows the HPLC chromatogram of cémgged sample from the irradiated
benzene for 2 hours in the presence of 20.0™gpfLMontmorillonite at pH 6.0. It is
confirmed that phenol was produced, which showstti@photoinduced formation GOH
occurs in aqueous suspensions of Montmorillonag eind OH radicals oxidize benzene to
phenol. However, phenol couldn not be detectetderdiark condition. Gournist al. (2002)
reported the formation of hydroxyl radicals catagdy clay surfaces but no quantification
data was provided. In their work, Laponite and Mwoatillonite were suspended for only 30
min in the presence of DMPO and formatel the OH radicals were determined by electron
paramagnetic resonance (EPR). However, Goughial (2002) did not describe if the
experiments were carried out in dark or not. Oxatabf benzene to phenol in the presence
of clay also indicates that clay may play its roleoxidation of organic compounds by
producing’OH. Kong and Ferry (2003; 2004) believed of¥ was responsible for the
enhanced photooxidation of the polycyclic aromdtidrocarbon chrysene in aqueous
suspensions of the Smectite clay. It is possib& the types of clays and the organic
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compounds could make differences in the photodediad pathways of the organic
compounds in the presence of clay.

Figure IV-C-2 shows the variation of the benzenecemtration in aqueous clay
suspensions under irradiation and in the darkhén suspensions containing 20 g bf
Montmorillonite, 250uM initial benzene concentrations, pH 3.0, the app#first-order rate
constants of benzene photodegradatiQps (fenze)ewas calculated to be 2.43 x 16 from
the result in Figure IV-C-2. Th©H concentration at steady staté(f]ss) was determined

using equation 1.

d[b%tze”]‘% —kobs vemzefbenzerie= — [K] OHss benzpt (1)

wherek is the second-order rate constant of the reacfidrenzene withOH, k = 7.6 x 18
M™ s (Kochany and Bolton, 1992). Thus,
Kobs,benzene= K [OH]ss (2)
It is calculated that [OH]ss = 3.2 x YO M, which is similar to the steady-state
concentrations ofOH (6.7 x 10" M) in illuminated surface water samples (a stream

approximately 3 km west of Brazil, Indiana) repdrt®y Allenet al (1996).

Phenol
12
114
e
10
9_
0 1 2 3 4
t (min)

Figure IV-C -1 HPLC chromatogram of phenol producedfrom scavenging of hydroxyl radicals by
benzene in clay suspension. The experimental condits were as follows: [Montmorillonite] = 20.0

g L™, [benzene] =7 mM, pH = 6.0, irradiation time 2 hots, retention time of phenol = 2.70 min.

94



2401\ T
2204 \

o— 5
u T

\.

4 \

1401 T~

20 |
00 05 10 15 20 25

t(h)

[EY
(o8]
@.

CBenzene(p'M)

H
o
@

Figure IV-C -2 Concentration decrease of benzene iaqueous clay suspensions under irradiation
and in the dark. Experimental conditions were as flows: clay concentrations = 20 g L'; pH = 3.0;
initial benzene concentration = 25@M; 250 W (o) Montmorillonite in the dark ( m)

Montmorillonite under irradiation.

C-2 Effect of clay concentration

The amount of clay is certainly a very importardtéa for the photochemical production of
"OH in clay suspensions through the variation of qbantity of photoreactive species in
clays, adsorption of benzene onto clay surfacegt labsorption and/or light scatter.
Experiments to study the effects of Montmorillondgencentration on the photochemical
production of'OH were carried out. The Montmorillonite concentmtin suspensions
ranged from 4.0 to 25.0 gL The pH value of Montmorillonite suspensions was not
adjusted and it was about 9.8. As shown in Figur€13, OH concentration increased with
increasing the concentration of clay in aqueoustinis in the range of 0 ~ 20.0 ¢ Lbut
higher concentration of clay like 25.0 g Inhibited the’'OH production. Moreover, control
experiments were carried out and the results shawatl phenol was not found in an
agueous solution of benzene without clays aftamihation under 250 W MHL (t=0 ~ 6
hours). So we think that appropriate clay concéiomafacilitates the formation 6OH in
clay suspensions. But when clay concentration veésed to a certain high value, clay
greatly reduced the light absorption into the sosmms due to light scattering. Thus, the

photochemical reaction is restricted and the phwnucal production ofOH radicals is

95



decreased.

Figure IV-C -3 Influence of clay concentration on he hydroxyl radicals formation in aqueous
suspensions containing Montmorillonite (4.0 to 25.6 L™). The experimental conditions were as

follows: [benzene] = 7 mM, irradiation time 6 hours pH = 9.8 (without adjusting).

C-3 Effect of initial pH

The variation of initial pH value of the clay susg®n changes the clay particle properties
like surface charge and surface hydroxyl group.oAlsH changes the amount of the
photoactive species dissolved from the clay in®dhspended solutions. It is thought that
pH value of the Montmorillonite suspension has rggranfluence on the photochemical
formation of OH. Experiments were carried out to study the pidlaéfon the photochemical
production of°OH in aqueous clay suspensions. As shown in Figyr€-4, the "OH
concentrations increase with reducing the pH of taillonite suspensions in the range of
2.0 to 10.0. TheOH concentration sharply decreased by 9.6 timeMamtmorillonite
suspensions from pH 2.0 to 4.0 after 6 hours afliation, but much less in the higher pH
range of 4.0 to 10.0. This pH-dependent trend aftgpthemical formation ofOH is quite
similar to that of ferric ions, Fe(OB) which has higher photoactivity in acidic pH n&ar
(Wu and Deng, 2000).
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Figure IV-C-4 Influence of pH on the hydroxyl radicals formation in aqueous suspensions
containing Montmorillonite at pH values in the range of 2.0 to 10.0. The experimental conditions

were as follows: [Montmorillonite] = 20.0 g L*, [benzene] = 7 mM, irradiation time 6 hours.

C-4 Effect of citrate ions

It is known that citrate ions form complexes witbn as Fe(lll)-citrate complex which has
higher photoreactivity to produce hydroxyl radicatgler irradiation with visible light (Wu
and Deng, 2000). Since X-ray fluorescence analfstmved that Montmorillonite used in
this work was iron-rich, in order to test the idbat iron is one of the important sources of
"OH, the effect of citrate ions in the clay suspension the formation 6OH radicals was
investigated. Results in Figure IV-C-5 show that throduction of 'OH increases
significantly by adding 0.2 mM of citrate ions teetagueous clay suspensions. However,
high concentration of citrate ions (5 mM) addedhe clay suspension does not accelerate
the formation of OH. And the addition of too much citrate ions (508) results in the
reduction of OH. It is well-known that citrate ion is also a yesffective’OH scavenger,
besides a complexing agent for Fe(lll)/(11). Antiai citrate ions concentration of 5 mM,
especially 500 mM, greatly exceeded the coordinasite saturation of Fe(ll)/(Il), thus
some’OH were consumed by citrate ions. The citrate commagon of 0.2 mM is small and
the reaction rate of citrate ions withH (k = 1.2x 10* M s%) at 298K (Zepret al,, 1992) is
much lower than that of benzene withH (k = 7.6x 10° M s%) (Kochany and Bolton,
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1992), so citrate ions should not compete with baezfor acting aSOH scavenger.
Therefore, iron species in the clay suspensiobslisved to be one of the important factors
for "OH formation, and the amount of citrate ions addthe clay suspensions affected the

concentration ofOH.

—o— montmorillonite

—e— montmorillonite + 0.2 mM citrate ion
250 montmorillonite + 5 mM citrate ions
{| —w— montmorillonite + 500 mM citrate ions

200 E/I/’/I
/

150 E/E
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n
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Figure IV-C-5 Influence of citrate concentration onthe formation of hydroxyl radicals in the
suspensions containing clays. The experimental caitidns were as follows: [Montmorillonite] =
20.0 g L', [benzene] = 7 mM, pH = 3.0.

C-5 Mechanism of hydroxyl radicals formation

C-5-1 Charged surface of nano clay

The surface of nanoparticles of clays possessasga humber of either homolytically or
herterolytically broken bonds. As shown in equaourniset al. (2002) have suggested
that the charged surface states are highly reaatidecan, as potential catalysts, activate O
through chemisorption or polarization and produgé ®he formation of @ leads through
reactions (4) to (7) to the formation of other téaxoxygen species HOQ H,O,and OH.
However, the rate constant for production®H radicals is negligible. It is believed that Fe
(I complexes can catalyze this reaction throughtBn reaction mechanisms (equation 8).

Even though, the amount @H radicals produced in the Montmorillonite suspens may
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be extremely depended on the amount gf @&rived from Q. Obviously, in the absence of
light'the amount ofOH radicals is too small to be detectable by HPECause the amount

of O," is not enough.

C-5-2 Freeiron ionsin clays

Montmorillonite contains metal impurities resultiigpm isomorphous substitution, for
instance, Al* or F€* substitution for ST, and F&", Mg®* or Zrf* substitution for AY".
X-ray fluorescence analysis showed that total iian Montmorillonite was 2.24%
(equivalent to Fg€3). Iron species in Montmorillonite include freenreons and structural
iron. The free iron ions including Feand F& dissolved in the suspensions were
determined and the results are listed in Table {¥-O'he total amount of free iron ions
increased with the acidifying of the suspensioosfpH 4.0 to 2.0. In the pH range of 2.0 to
4.0, Fé" ions are more abundant tharfFens.

0, O FPREFTEPIPr . o (3)
0, + H" - HO, (4)
2 HO, — H,0, + O, (5)
H,0, + Q" — O+ OH +'OH  (6)
H,0, +'OH — H,0 + O~ + H"  (7)
Fe* + H,0, —» FE€ +°OH + OH (8)

H0, OP= 2°0H (9

Table IV-C-1 Amount of iron ions dissolved in claysuspensions

Concentration of iron ions(uM)

Montmorillonite pH 2 pH 3 pH 4
suspension Fe'* Fe Fe'* Fet Fe'* Fer
(20 g LH* 0.56 111.84 1.97 55.63 2.96 13.23

*: Total iron in Montmorillonite is 2.24% calculaten the basis of F®; by X-ray fluorescence analysis.
The concentration of total iron ions in 20 g &f Montmorillonite suspension could be calculatete
5.6 mM. In pH 2, there is the higher amount of iroms dissolved in Montmorillonite suspension, but
the concentration of free iron ions (0.11 mM) il stuch lower that the concentration of total iron
ions (5.6 mM).
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In the presence of light, the reactions in the iacMontmorillonite suspensions were
promoted and enouglOH radicals were detected. It is clear that phatoged Fenton
reaction (equation 8) and the photolysis @Okl(equation 9) occurred which produce much
more”OH radicals than that in the dark. Certainly, thetp-Fenton reaction is dependent on
the pH value of the solutions (Shenstral, 2006). In this work, pH has very significant
effect on the amount ofOH radicals produced in the Montmorillonite suspens. It is
believed that pH has relationship with the spearatf iron. Table IV-C-1 shows that the
total amount of soluble iron (free iron) increaseth pH value decreased from 4.0 to 2.0
which has the same pH-dependent trend of the anufu@tH radicals. Therefore, the total
amount of iron may has very important effect on fimenation of'OH radicals. Then, the
qguestion is which iron species play most importahé in such processes, Fe (lll) ions
versus. Fe (ll) ions, and free iron versus stratinon. As we know, ferric ions has
photoactivity especially in the form of Fe(OM)n acidic solutions at pH near 3.0. It is
reasonably to assume that free ferric ions areresble for the formation 6OH radicals in
the pH range of 2.0 to 4.0. However, the amountireé Fe(lll) ions increased with
increasing pH values from 2.0 to 4.0, which preseran opposite trend as the formation of
*OH radicals. This result indicated that ferroussiaiso had contribution to the formation of
"OH radicals. To further test this idea, the amantOH radicals was determined in the
solutions initially containing only ferrous ions pH 3.0. The results showed th&@H
radicals produced and the amounts’©H radicals increased with initial ferrous ions
concentrations from 20 to 8M as well as irradiation time (Figure IV-C-6). # believed
that in the presence of dissolved oxygen, ferrouas are oxidized to ferric ions and the latter
undergoes photolysis to producédH radicals. The variation of concentration of ders
ions and ferric ions was also examined (Figure IY)CIt was found that during the period
of photoreaction in 90 minutes, the ferrous ioasisformed to ferric ions, ariden Fe (lII)
and Fe(ll) are in equilibrium. Even when the Fé){He(ll) equilibrium was achieved, the
formation of "OH radicals continued. Reactions (10), (11) and) @2 thought to be
important for producingOH radicals through photochemical cycle of Fe(é(ll). Thus,
free ferrous ions in Montmorillonite plays the keje in photochemical formation 6OH

radicals in the presence of dissolved oxygen.

Fe (OHF OM- F&*+'OH (10)
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Fé* +H0 U0 F&+OH+H  (11)

4 Fé*+ O, + 80H + 2H,0 — 4Fe (OH) (12)

100-‘F{+80uM ////}///E
—o— F€" 50uM
4

80 uFé+2opM////
60- X

0O 30 60 90 120 150 180
t (min)

Figure IV-C-6 Influence of the concentration of Fé' on the hydroxyl radical formation in aqueous
solutions containing F&" at different concentrations 20, 50 and 80 uM. Thexperimental

conditions were as follows: [benzene] = 7 mM, irraidtion time 3 hours, pH =3.0.
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Figure IV-C-7 Concentrations of Fé*and Fe'* versus irradiation times in irradiated Fe?*

suspensions. The experimental conditions were adléovs: initial Fe?* concentration = 50 uM,

[benzene] = 7 mM, irradiation time 3.5 hours, pH =30.
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C-5-3 Structural iron in the clays

Table IV-C-1 shows that the amount of total iroMantmorillonite is much higher than the
free iron ions. Structural iron is the predominanh species and its amount is about 50
times more than that of the free iron. It is welbkvn that iron oxides and zinc oxides act as
photocatalyst in generating hydroxyl radicals. Bwg iron and zinc ions in the clay lattice
are in the chemical environments different front thahe iron or zinc oxides. Gourres al
(2002) reported the formation of hydroxyl radicatatalyzed by Laponite and
Montmorillonite. Except for the charged nano clayface, they preferred that structural
ferrous ions were also responsible for the hydroagiical formation through reaction (13).
However, Songet al (2006) reported that free iron (or soluble iran)clay surface
efficiently catalyzed the decomposition of®} under UV light irradiation, but the structural

iron in the octahedral lattice showed poor reatti@quation 14).
Structural-Fé&" + O, — Structural-F& + O,” (13)

Structural-F&" + H,0, — Structural-F& +°OH + OH (14)

To make sure whether the structural iron contribtiwethe formation ofOH radicals in the
Montmorillonite suspensions, iron in Montmorillomitvas removed by 0.1 M HCI for 1
hour and washed by pure water 5 times and the Maniitonite was dried at 105 #°C. The
treated Montmorillonite is named as the acid-waskeohtmorillonite. The acid-washed
Montmorillonite was illuminated in suspension wiahd without citrate ions and theH
radicals were determined. Results in Figure IV-GBowed that the acid-washed
Montmorillonite produced very small amount’@H radicals (ca. M). Furthermore, by
adding citrate ions into acid-washed Montmorillenstuspension, much mom@H radicals
(ca. 36.6uM) were detected. It seems that structural iroro das contribution to the
photochemical formation 6OH radicals especially through complexation withbcaylate
ligands. The following reactions are proposed tanvelved in the photochemical reaction

of structural iron in the Montmorillonite:
Structural-F& + 0, U P structural-F&" + 0" (15)
srein-oH O™ SFeqn-oH+0H  (16)

kel OB SreqL+OH+L  (17)
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1> represents surface complex, L and L represegdroc ligand and its oxidized product

respectively]

— e — Acid-washed montmorillonite + 0.2 mM citrate ipns
40+ |—°— Acid-washed montmorillonite
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Figure IV-C-8 Effect of citrate on the formation of hydroxyl radicals in the solutions containing
acid-washed clays. The experimental conditions weges follows: [Montmorillonite] = 20.0 g L™,
[benzene] = 7 mM, pH = 3.0.

Conclusions

It is confirmed that OH radicals are formed in the Montmorillonite susgiens under
irradiation of a 250 W metal halide lamjp> 365 nm). The pH dependent trend and citrate
ion effects on the amount @H radicals demonstrate that iron play a very irtgurrole in

the "OH radicals formation. Both free iron and struckuran contribute to the amount of
*OH radicals under illumination, moreover, ferrousl derric species initially occurring in
the Montmorillonite are both capable of producif@H radicals upon photolysis in the
presence of dissolved oxygen. Th@®H concentration increased with increasing the
concentration of Montmorillonite as well as irraiba time. However, too high
concentrations like 25.0 g'Lof Montmorillonite inhibited théOH production, probably by
reducing the light absorption of the suspensiore fbimation of OH from Montmorillonite
under irradiation with near UV and visible lighfens that iron-rich Montmorillonite clays
have important role in the interaction betweendhemicals and soil surfaces as well as that
the environmental behavior of chemicals througtdation on the surface of clay particles
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in air, water, soil or even top sediments.

IV-D Degradation of E2 photoinduced by KSF and KSFEDDS

E2 was used as model compound in this work to stinelyphotochemical properties of KSF
and KSF-EDDS complex. Experiments were carried under polychromatic irradiation
(emission between 300 and 500 nm). ParametersasublsF, EDDS, oxygen, 2-propanol,
E2 concentrations and pH were all studied in the&kwo

D-1 Adsorption of E2 on KSF

The adsorption of E2 on KSF was rapid and high. t\ébshe reaction occurred within the
first minutes. But E2 adsorption required one dayeach its maximum. Figure IV-D-1
shows the adsorption isotherms of E2 on the E6pH 6. Both of the Langmuir model for
monolayer adsorption and the Freundlich model foltilayer adsorption were applied to fit
the experimental data. It was found that the Larigmodel described the adsorption of E2
to KSF better. The Langmuir model is shown as
_ K bC

® 1+ KeC
Where, C is the concentration in the clay solutédter equilibration; ¢ is the amount
adsorbed on the clay;Kis the equilibration constant and b is the maximamount
adsorbed on the clay. Fitting the L equatiog, &d b are calculated to be 0.041grhol™
and 8.02umol g*. There were no obvious differences between the E@rption on the KSF
in the presence of EDDS and that in the absence XD
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Figure IV-D-1 Adsorption isotherm of E2 onto the Matmorillonite KSF ([KSF]=1 g L™, pH = 6.0)
The adsorption of E2 on KSF influenced by the pH alas detected. As shown in figure

IV-D-2, pH has an obvious effect on the E2 adsomtide acid pH favors to the adsorption.
At the isoelectric point of KSF (about 5), the aghgimn is the lowest.
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Figure IV-D-2 Effect of pH on the E2 adsorption onKSF ([KSF] = 1 g L™, [E2] = 6 pM)

D-2 Photodegradation of E2 in KSF solutions
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The photodegradation of E2 was studied in the KSHtisois. Irradiation was performed
with polychromatic tubes emitting between 300 a@@ Bm. Effect of concentration of KSF
and pH were studied in this work. Under our experital conditions and in the dark, no
degradation of E2 was observed in the absence ath@ ipresence of KSF. Similarly, there

was no photodegradation of E2 without KSF undediation.

D-2-1 Effect of KSF concentration on the degradation of E2

The effect of KSF concentration on the photodegradaif E2 (5uM) was studied in the
range from 0 to 6.0 g tat pH 3. As shown in Figure IV-D-3, the photodefgéon
efficiency of E2 increased when the concentrationK&F in aqueous solutions was
increased in the range from 0 to 2 It higher concentrations such as 4.0 and 6.0 gfL
KSF, the photodegradation efficiency of E2 was reducThus an appropriate KSF
concentration facilitates the degradation of E2lay suspensions. However, when the KSF
concentration was raised to a threshold value,stispended clay particles considerably
weakened light penetration into the suspensionstal@geshielding effect (Let al, 2004;
Chiou and Juang, 2007). Consequently the degradatite of E2 decreased. In our
experimental conditions, the optimal concentratbéKSF was around 1.0 g'L

—m—KSFOglL'
e KSFO0.1g[l
—A—KSFO5gL
~v KSF1gl'
<4 KSF2glL'
~» KSF4glL'
—4 KSF6glL'

cic,

0 20 40 60 80 100 120 140 160 180

t (min)

Figure 1V-D-3 Influence of KSF concentration on thephotodegradation of E2 in aqueous solutions
containing KSF at different concentrations in the enge of 0 - 6.0 g . The experimental
conditions were as follows: [E2] = uM, irradiation time 3 h, pH = 3.0.

During the irradiation, the concentration of iromsvalso detected. As shown in Figure
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IV-D-4, the concentration of Fe(ll) and Fe(tot) rieased slightly during the irradiation,
which indicated that there was only a very smalbant of iron in the KSF photodissolved
into the solution during the irradiation.

—®m KSF1gLFe'
~® KSF1gl'Fe,

A KSF2gL Fe'
~w KSF2glL'Fe

tot
-~ 4 KSF4gL'Fe"
> KSF4gL'Fe,
-9 KSF6gL Fe"
~® KSF6gL Fe_

0 20 40 60 80 100 120 140 160 180
t (min)

Figure 1V-D-4 Concentration of Fe during the irradiation ([E2] = 5puM, irradiation time 3 h, pH =
3.0)

D-2-2 Effect of pH on the degradation of E2

Montmorillonite KSF is acid-activated clay contaigi relatively high amount of iron.
Variation of the initial pH value of the clay susisen changes the clay particle properties
such as surface charge, surface area and surfdeexiglygroup (Jozefaciuk and Bowanko,
2002) and the amount of photoactive iron specissaiived from the clay into the solutions.
To observe the effect of pH on the photodegradaifdeR, five experiments were conducted
with the same initial E2 concentration ofil, KSF concentration of 1 g'tbut at different
pH values (2.0, 3.0, 4.0, 5.0, and 7.0). As shawhigure IV-D-5, the results show that the
E2 degradation rate is strongly pH-dependent. Olslypthe optimal initial pH value for the
photodegradation of E2 was 3 (Figure 1V-D-6). Therddgtion of E2 would be inhibited
when the initial pH value was beyond 3, and esfigcta2 was almost not degraded when
the initial pH value was above 5. KSF contains %76f the iron component that is
composed of free iron oxides that distribute ranigamn the clay surface, and structural iron
in the octahedral lattice (Stuckt al, 2002). We detected the amount of free iron ions,
including Fé* and F&", dissolved in the suspensions at different pH eglduring the
irradiation. As shown in Figure IV-D-7, the totahaunt of free iron ions was increased by
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acidifying the suspensions from pH 5.0 to 2.0. At ®, the higher amount of Fe(ll) was
formed during the irradiation. At higher pH thantbere is almost no soluble iron in the
suspended solutions. The ferric ion species, edpe€ia(OHY", are the most important
photochemical sources of hydroxyl radical and aneenabundant at acid pH in the region of
3.0 (Wu and Deng, 2000), which could lead to themfition of "OH via reaction (1).
Therefore, the variation of degradation efficiendye@ was mainly attributed to the pH
dependence of the amount of iron ions and theiciapen. The pH effect reflects that iron
present in the clay is the most important photoghahsource ofOH radicals which induce

the photodegradation of E2.

Fe (OH} 0P~ Fe*+0H (1)

l . 0 ’t/H**t,T,ﬂ:‘e S if _ ‘

—=—pH 2
—e—pH 3
—A—pHA4
—v—pHS
—<4—pH7
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0 20 40 60 80 100 120 140 160 180
t (min)

Figure 1V-D-5 Influence of pH on the photodegradatbn of E2 in aqueous solutions containing KSF.

The experimental conditions were as follows: [E2] & pM, [KSF] = 1 g L™, irradiation time 3 h.
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Figure IV-D-6 Initial degradation rate of E2 at different pH ([E2] = 5pM, [KSF] =1 g L,

irradiation time 3 h).
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Figure IV-D-7 Concentration of iron during the irra diation ([E2] = 5 uM, [KSF]=1g L™,

irradiation time 3 h).

D-3 Photodegradation of E2 in KSF solutions in th@resence of EDDS

The photodegradation of E2 was studied in the KSEtisols in the presence of EDDS.
Irradiation was performed with polychromatic tubesitting between 300 and 500 nm.
Effect of KSF, EDDS, E2, oxygen, 2-propanol conceitrs and pH were all studied in this

work. Under our experimental conditions and in tteek, no degradation of E2 was
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observed in the absence and in the presence of B{HPS. Similarly, there was no
photodegradation of E2 without KSF-EDDS under irradra

D-3-1 Effect of KSF concentration on the degradation of E2

The effect of KSF concentration on the photodegradaif E2 (5uM) in the presence of
EDDS was studied in the range from 0 to 1.0'gLpH 5.0. As shown in Figure IV-D-8, the
initial degradation rate of E2 increased with th@@asing of KSF concentration in the range
of 0 - 1.0 g [*. This result is attributed to the higher formatiwFe(Ill)-EDDS complex
with the higher concentration of KSF in the solagoFe(lll)-EDDS complex could undergo
rapid photochemical reactions under irradiatiomlie@ to the formation of oxidative species.
But the efficiency of E2 photodegradation, for flhediation time between 30 and 180
minutes, was 0.1 g'£> 0.4 g ' > 1 g L'*. At higher concentration of KSF, although the
higher concentration of Fe(lll)-EDDS was formed ihetsolutions and the initial
degradation of E2 was faster, at the same time EDBSalso decomposed more quickly.
After complete photodegradation of EDDS, Fe(ll)-EDR&s no longer present in the
solution. Thus, when the concentration of KSF wagelp although the starting efficiency of
Fe(ll)-EDDS was lower, the formation and reactidrire(lll)-EDDS could continue during
a longer time. So the lower concentration of KSFhia solution (0.1 g £) could achieve
better photodegradation efficiency at the end.

1.0

—m— 0.05 g L' KSF, EDDS 25Q:M, pH 5
—e 0.1 gL' KSF, EDDS 25QM, pH 5

0.82
‘ —A— 0.4 g ' KSF, EDDS 25QM, pH 5
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o’ ’
© 0.4
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—e— o
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Figure 1V-D-8 Influence of KSF concentration on thephotodegradation of E2 in the presence of

EDDS. The experimental conditions were as follow$E2] = 5 uM, irradiation time 3 h, pH = 5.0.
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D-3-2 Effect of pH on the photodegradation of E2

The effect of pH on the photodegradation of E2 ingresence of EDDS was studied with
KSF at 1 g [, initial concentration of E2 of EM, EDDS concentration of 250M. As
shown in Figure IV-D-9, the photodegradation of E&swstrongly dependent on the pH.
Obviously, the optimal initial pH value for the gbhdegradation of E2 was 6.0. At pH lower
than 6.0, the initial degradation rate of E2 wasargat pH 6.0 than pH 5.0 than pH 3.0 and
than pH 4.0. At pH higher than 6.0, the initial ception rate of E2 decreased with
increasing the pH. However, we shown that the ahipihotodegradation rate of E2 was
higher at higher pH in Fe(lll)-EDDS complex soluso®DDS could not just form complex
with iron in the solutions, if there is an exce§&DDS, but also adsorb on the KSF surface
and dissolve iron in solution. As shown in FiguveD-10, the amount of Fe(tot) at pH 3 in
the KSF suspensions with EDDS before irradiatiombisut two times more than that in the
KSF suspensions without EDDS. But the amount ofl}-&{lalmost the same in these two
conditions, which means that the dissolved iropresent as Fe(lll) (Figure IV-D-11). And
at lower pH there are more iron dissolved in thé=K®lutions. So it is observed that the
photodegradation of E2 was decreased at pH higher@h The reason for the degradation
rate of E2 at pH 3 higher than that at pH 4 maybetduhe higher concentration of Fe(lll)
and Fe(ll) formation at pH 3. During the irradiatjdhe concentration of EDDS was also
detected. As shown in Figure IV-D-12, the degramatif EDDS was very fast at the first 20
minutes and then stopped. Except at pH 9 the detgwadaf EDDS was a little slower than
that at other pHs, no obvious differences were doatdifferent pH for the loss of EDDS.

—&—pH 3
—e—pHA4
—A—pH 35
—v—pHE
—<4—pHT
—»>—pHY

c/c,

0 20 40 60 80 100 120 140 160 180
t (min)
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Figure 1V-D-9 Influence of pH on the photodegradatbon of E2 in KSF suspensions in the presence
of EDDS. The experimental conditions were as follosv [KSF] =10 L'l, [E2] = 5uM, [EDDS] =
250puM, irradiation time 3 h.

Figure IV-D-13 indicated the comparison of the miugtgradation of E2 without EDDS
and with EDDS in KSF solutions. At pH 3.0 and 4t photodegradation of E2 is strongly
higher with the addition of EDDS in the solutionspecially at pH 3.0. At pH higher than
5.0, the photodegradation of E2 is also increasguifsiantly in the presence of EDDS.
Without EDDS, the optimal pH for the degradatiorE@fwas around 3.0. With EDDS in the
KSF suspensions, the optima pH for the degradati@® was shift to the circumneutral pH
and the degradation efficiency at basic pH was @y good. Thus, adding EDDS to the
KSF suspensions, extended the pH for the degraditiinis photochemical system is a way

to remove the contaminants present in the natgradtec environments.

200

0 20 40 60 80 100 120 140 160 180
t (min)
Figure IV-D-10 Concentration of Fe(tot) during theirradiation ([KSF]=1 g L'l, [E2] = 5uM,
[EDDS] = 250uM, irradiation time 3 h).
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Figure IV-D-11 Concentration of Fe(ll) during the irradiation ([KSF] =1 g L'l, [E2] = 5uM,
[EDDS] = 250uM, irradiation time 3 h).
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Figure IV-D-12 Concentration of EDDS during the irradiation ((KSF] =19 L'l, [E2] = 5uM,
[EDDS] = 250uM, irradiation time 3 h).
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Figure 1V-D-13 Comparison of the photodegradation 6E2 with and without EDDS at different

pHs. (a): pH 3; (b) pH 4; (c) pH 5; (d) pH 6; (€) bl 7; (f) pH 9 (KSF] = 1g L™, [E2] = 5pM,
[EDDS] = 250uM, irradiation time 3 h).

D-3-3 Effect of EDDS concentration on the degradation of E2

EDDS plays a crucial role in photochemical systertin WiSF. To study the effect of EDDS
on the photodegradation of E2, a set of experimeate performed with KSF 1 g1, E2 5
uM, pH 6.0, and different initial concentrationsEIDDS in the range of 0 - 5 mM. As shown
in Figure IV-D-14, it is very obvious that the peese of EDDS could greatly enhance the
E2 photodegradation in KSF suspensions at pH 6.0r8héts showed that E2 degradation

116



was significantly increased with the increase ofEDconcentration in its low range, but it
was slightly inhibited with an excessive amounte@DS. EDDS could form complexes
with iron as Fe(lll)-EDDS complex which is more pbiaactive for producing hydroxyl
radicals under irradiation. Also, it has been régbithat iron oxide in clay minerals could
dissolve more easily in the presence of carboxglateler irradiation (Goldberg al,, 1993;
Waite and Morel, 1984). So, the degradation efficieof E2 was enhanced when greater
amounts of photoactive iron ions were present MKBF suspensions. However, excessive
EDDS would also act as scavengers of hydroxyl réslmad then compete with E2 f@H
reactivity. As shown in Figure IV-D-15, more EDDS svdegraded with higher initial
concentration of EDDS. Therefore, when the concaatratf EDDS is high enough (of the
order of 1 mM), the photodegradation rate of E2tstiar be inhibited.

During the irradiation, the concentration of B&(and Fe(ll) was also detected. At pH 6.0,
the main soluble forms of iron in the suspensiorstinine Fe(ll)-EDDS complex. So, the
initial concentration of Fe(tot) detected in the IKSuspension increased with the
concentration of EDDS in the range of 0 - 500 (Figure 1V-D-16). During the irradiation,
with the lost of EDDS which could stabilize the iromthe solutions, the concentration of
Fe(tot) was decreased. The amount of Fe(ll) dedantéhe solution during the irradiation is
very low (Figure IV-D-17), which may be due to there easily oxidation of Fe(ll) to Fe(lll)
at high pH.

—a— EDDS 0

—e— EDDS 50uM
—A— EDDS 10QuM
—wv— EDDS 250uM
— < EDDS 500uM
—»— EDDS 100QuM
—4— EDDS 500QuM

cic,

0 20 40 60 80 100 120 140 160 180
t (min)

Figure IV-D-14 Influence of EDDS concentration ontie photodegradation of E2 in KSF solutions

in the presence of EDDS. The experimental conditianwere as follows: [KSF] =1 g L}, [E2] = 5

117



pM, pH 6.0, irradiation time 3 h.
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Figure IV-D-15 Concentration of EDDS during the irradiation ([KSF] =1 g L™, [E2] = 5uM, pH
6.0, irradiation time 3 h).
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Figure IV-D-16 Concentration of Fe(tot) during theirradiation ([KSF] =1 g L, [E2] = 5uM, pH
6.0, irradiation time 3 h).
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Figure IV-D-17 Concentration of Fe(ll) during the irradiation ([KSF] =1 g L™, [E2] = 5pM, pH
6.0, irradiation time 3 h).

D-3-4 Effect of oxygen on the degradation of E2

Oxygen generally is an important parameter in thet@chemical process. Experiments
were carried out to study the oxygen effects on ghetodegradation of E2. Different
conditions were used by bubbling oxygen or nitro§@mminutes into the solutions before

irradiation. As shown in Figure IV-D-18, in the deated solution (B, the
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photodegradation rate of E2 was much lower comptrétat in the presence of oxygen.
Oxygen can enhance the photolysis of Fe(lll)-Caytaie complexes by trapping the
electron on the carbon centered radical formedr dfte photoredox process. Then the
formed Q' radicals rapidly react to yield )&, and finally leads to the formation of
hydroxyl radical. Thus oxygen is quite necessargrtmluce the reactive species that cause
E2 degradation. The slight loss of E2 under nitrogeghtrbe due to the presence of some
O, traces in the solution, since the experimentalupetised did not allow to work under
100% deaerated conditions.

During the irradiation, the concentration of B&(tdecreased. The decrease is faster in the
present of oxygen (Figure 1V-D-19). It correspomalshe decrease of EDDS concentration
during the irradiation (Figure IV-D-20). Althoughdre would be more Fe(lll)-EDDS in the
solution under nitrogen, the hydroxyl radicals cah be formed without oxygen.

1.0

0.8

—=&— Air saturated conditig
o 06l —e— Purging with Q
O —A— Purging with N
0.4

Te—eo— 9o

0 20 40 60 80 100 120 140 160 180
t (min)
Figure 1V-D-18 Influence of oxygen on the photodeg@dation of E2 in KSF solutions in the presence

of EDDS. The experimental conditions were as follosv [KSF] = 1 g L™, [EDDS] = 250puM, [E2] = 5
pM, pH = 6.0, irradiation time 3 h.
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Figure IV-D-19 Concentration of Fe(tot) during theirradiation ((KSF] =1 g L !, [EDDS] = 250uM,
[E2] = 5uM, pH = 6.0, irradiation time 3 h).
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Figure IV-D-20 Concentration of EDDS during the irradiation ([KSF] = 1 g L™, [EDDS] = 250uM,
[E2] = 5uM, pH = 6.0, irradiation time 3 h).

D-3-5 Effect of 2-propanol on the degradation of E2

The effect of 2-propanol on the degradation of E2 siadied with KSF 1 g £, EDDS 250
uM, E2 5uM, 0.1% 2-propanol and pH 6.0. As shown in Figlréd21, only 6% of E2 is
degraded in the presence of 0.1% of 2-propanot &fth of irradiation. In contrast, E2

degradation occurred rapidly in the absence ofapgmol under the same conditions.
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2-propanol is a very effectivéDH scavenger. This result indicated that in the KBS

system, the main degradation pathway of E2 is dtiegt@ttack byOH.

1
|
|
0.8
‘\ —a— E2 + 2 propanol 0.1%
S —eo E2
g e
O 0.6 \.t
. g .
e
0.4 —
3 - o
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Figure IV-D-21 Influence of 2-propanol on the photaegradation of E2 in KSF solutions in the

presence of EDDS. The experimental conditions weess follows: [KSF] = 1 g L'*, [EDDS] = 250uM,
[E2] = 5 uM, pH 6.0, irradiation time 3 h.

D-3-6 Effect of initial concentration of E2

Under the conditions of 1 g LKSF, EDDS 250uM and at pH 3.8, the effect on
photodegradation of the initial E2 concentrationthe range of 0.94 to 12.98V was
analyzed. Figure 1V-D-22 shows the concentratiasfiler variation of E2 at different initial
concentrations in KSF-EDDS suspensions. The iniditds of the reaction were determined
by extrapolating the tangent (based on the lingawff the first four points) of the
concentration profile back to initial conditionshd slopes calculated at the initial three to
five points were almost identical, indicating theearacy of the initial rates obtained in this
study.

It is well known that heterogeneous photocatalglegradation of organic pollutants
follows Langmuir-Hinshelwood (L-H) kinetics (Alataand Balcioglu, 2001).

:_d_C: kKC
dt 1+ KC

Where C is the concentration of the organic comgoantime t, andk andK are rate

(1)

constant and the adsorption coefficient respegtivés shown in table 1V-D-1, the initial
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rates of E2 degradation increased with increasiegirhial concentrations of E2 and the
initial reaction rate and initial concentrationtdd well into the L-H equatiork andK are
calculated to be 3.59imol-L*-min*and 0.0199 lumol™* respectively.

14 —=—C =0.94uM
It —eC =1.84uM

12'4‘ 0
1 —a—C,=3.78M

10, ~v - C,=8.13uM
1%

8 ww ~<C,=1293uM

Iv

0 ; n Ll e il

0 20 40 60 80 100 120 140 160 180
t (min)
Figure IV-D-22 Influence of the initial concentration of E2 on E2 photodegradation in the KSF
suspensions in the presence of EDDS. The experimahtonditions were as follows: initial

concentration of E2: 0.94, 1.84, 3.78, 8.13, and.@3pmol-L™, [KSF] = 1.0 g L'}, [EDDS] = 250uM,
irradiation time 3 h, pH =6.0.

Table IV-D -1 Initial rates at different initial co ncentration of E2

C (umol-L% Initial rate Kinetic equation Reaction rate
(umol-L-mir®) CL-H O constank

(umol-L*-min?)

0.94 0.0765 _ 00714
1.84 0.141  1+0.019¢C
3.78 0.266 3.591
8.13 0.470 (R?=0.995)
12.93 0.746
Conclusions

The photodegradation of E2 in aqueous solutionsyzdlby KSF with or without EDDS
was studied. In the KSF suspensions, the optiméoplthe degradation of E2 was limited
around 3. In the KSF-EDDS suspensions, the optiméoplkhe degradation of E2 was shift
to the circumneutral pH and the degradation efficieat basic pH was also very good. Thus,
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the KSF-EDDS photochemical system is a promising f@a the removal of contaminants
in the natural aquatic environments. In the KSF-EDIyStem, the degradation kinetics of
E2 follows the Langmuir-Hinshelwood rate law. Thetiah photodegradation rate of E2 was
studied with different KSF concentrations in thega of 0 - 1.0 g Lin the presence of 250

uM of EDDS. The final efficiency of E2 photodegradatioms in this order for KSF

concentration 0.1 gt> 0.4 g !> 1 g L* = 0.05 g L'*. Thus, the appropriate concentration
of KSF needs to be fixed according to the experialeconditions. E2 degradation was
significantly increased with the increased of EDD@&aentration in its low range, but it was
slightly inhibited with an excessive amount of EDXygen is a key factor influencing the
reactive species formation. Without oxygen, the EBrddation is obviously depressed.
Thus the concentration of KSF and EDDS, solution pie axygen must be taken into

account as major parameters to improve the efigierh the KSF-EDDS process.

IV-E Degradation of E2 photoinduced by NM and NM-ECDS

E-1 Adsorption of E2 on NM

The adsorbed amounts of E2 on the NM at the firsmn80were approaching 95% of the
amounts of adsorption equilibrium at 24 h, implythgt the adsorption rates are quite fast
during the first 30 min and it can be used as dirpmeary adsorption time prior to
photoreaction.

Figure IV-E-1 shows the adsorption isotherms of B2tlee NMat pH 5.0. Both of the
Langmuir model for monolayer adsorption and theuRdiich model for multilayer
adsorption were applied to fit the experimentabdétwas found that the Freundlich model
described the adsorption of E2 well. The Freundlasogption isotherm is logiG log K
+ (1/n) log C, where gis the amount of E2 adsorbed on the NM, C is tmeeontration of
E2 in the NM suspensions after equilibration;i«adsorption capacity; n is the adsorption
intensity. Freundlich adsorption isotherm and thlewated fitting parameters are presented
in Figure IV-E-2 and Table IV-E-1 respectively. Hrcbe seen from Figure IV-E-2 that the
adsorption of E2 on the NM with EDDS was a little méian that without EDDS. That is
because the adsorption of EDDS increased the anobwnganic carbon in the interlayer of
NM, which is in favor to the adsorption of E2. Howeuwhe adsorption amount of E2 with 1
mM EDDS was less than that with 0.25 mM EDDS, whiciybe due to the competitive
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adsorption between EDDS and E2, when the concemtrafiEDDS is so high.

The adsorption isotherm of EDDS alone &y L* NM at pH 5.0 is shown in Figure
IV-E-3. The Langmuir model described the adsorptibBEDDS well. The Langmuir model
is shown as

c = KT
® 1+ KeC
Where, C is the concentration in the clay solutédter equilibration; ¢ is the amount
adsorbed on the clay;Kis the equilibration constant and b is the maximamount
adsorbed on the clay). Fitting the L equatiog, &d b are calculated to be 0.0543nhol™*
and 4.73umol ¢g*.

The adsorption of E2 on NM influenced by the pH wias detected. As shown in Figure
IV-E-4, the adsorption of E2 decreased with increa#iie pH. The acid pH is in favor to the
adsorption of E2. Montmorillonite bears a large pement negative charge, so the main
factor affecting the changes in adsorption to leeetfiect of pH on surface charge. NM has a
PZC lower than 3. The pKa of E2 was 10.4. E2 woultbhied to the phenoxide and also
the surface of NM is deprotonated to the negatores icausing repulsion with substrate

when pH > pHzpc, especially pH > 10 (pKa of E2).

11—=— E2 only
081 - =0.25mM

EDDS

. o
o6l > Crops=1MM

C, (umol/g)
o
B

0 2 4 6 8 10 12 14
Equilibrium concentration of Equ/)

Figure IV-E-1 Adsorption isotherm of E2 in suspensins of 6 g L of NM in the absence and in the

presence of different concentration of EDDS (pH =.D).
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Figure IV-E-2 Freundlich adsorption isotherm in supensions of 6 g [* of NM in the absence and
in the presence of different concentration of EDD$pH = 5.0).
Table IV-E-1 Relevant fitting parameters for Figure IV-E-2

Equation R K
EDDS 0 Log(Gs) = -1.3981 + 0.993 0.03998
0.9885 log (C)
EDDS 0.25 mM Log(6) =-1.1014 + 0.999 0.07918
0.9139 log (C)
EDDS 1 mM Log(G) =-1.3351 + 0.997 0.04623

1.0561 log (C)

54 Langmuir

C, (umol/g)

0 50 100 150 200 250 300 350 400
Equilibrium concentration of EDD${/)

Figure IV-E-3 Adsorption isotherm of EDDS in suspesions of 6 g L* of NM (pH = 5.0).
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Figure IV-E-4 Influence of pH on the adsorption ofE2.

E-2 Photodegradation of E2 in the NM suspensions

The photodegradation of E2 was studied in the NM exusipns. Irradiation was with
polychromatic tubes emitting between 300 and 500 Effiect of concentration of NM and
pH were studied in this work. Under our experimem@anditions and in the dark, no
degradation of E2 was observed in the absence ath ipresence of NM. Similarly, there
was no photodegradation of E2 without NM under iatdn.

E-2-1 Effect of the clay concentration on the photodegradation of E2

Figure IV-E-5 shows the photodegradation of E2 undéierent NM concentrations.
Obviously, without NM, no degradation of E2 was fduiihe degradation of E2 increased
with increasing the concentration of NM in aquesakitions in the range of 1 - 6.0 gL
This is due to increase in the number of NM parsichich increases the quantity of
photoreactive species in clays and the number @fBA molecules adsorbed. However,
when the NM concentration increases from 6 to 8'dHe degradation of E2 was inhibited.
Increase of the NM concentration beyond 6 grhay cause light scattering and screening
effects, which reduce the photocatalytic activityte catalyst (Lea and Adesina, 1998). In
our experimental conditions, the optimal conceitrabf NM was 6 g [*.
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Figure IVE-5 Influence of NM concentration on the ghotodegradation of E2 in aqueous solutions.

The experimental conditions were as follows: [E2] & uM, irradiation time 8 h, pH = 3.0.

E-2-2 Effect of pH on the photodegradation of E2

Figure IV-E-6 shows E2 degradation at various pHueslin irradiated suspensions
containing initially 6 g [* of NM and 5uM of E2. The degradation efficiency of E2 was
maximal at pH 3 and decreased above and belowpthisalue gradually. NM contains

4.28% of the iron component. But not like KSF, thest of iron oxides is structural iron in

the octahedral lattice. At pH higher than 3, nairo the solution was detected. At pH 3,
there is just very small amount of iron detectedhi& suspensions (Figure IV-E-7). As we
know that the most photoactive ferric ion speckes(OHY" is more abundant at pH 3.0,

which could lead to the formation 8®H. Therefore, although the amount of iron in NM
suspension is very low, the pH effect reflects ihat present in NM should be the most
important photochemical source. But except iroe,degradation of E2 maybe attribute to

the reactions at the NM surface.
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Figure IV-E-6 Influence of pH on the photodegradaton of E2 in aqueous solutions containing NM.
The experimental conditions were as follows: NM = § L™, [E2] = 5puM, irradiation time 8 h.
At the meantime, the pH value was simultaneousigrdaned under the same conditions.
The variations of pH versus reaction time are ptbiteFigure IV-E-8. The results showed
that the pH increased very fast at the first 20utga and then keep at constant under

irradiation.

0 100 200 300 400 500

t (min)
Figure IV-E-7 Concentration of Fe(ll) and Fe(tot) curing the irradiation (NM=6g L ™ [E2]=5
puM, pH = 3.0)
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Figure IV-E-8 Change of pH during the irradiation at different starting pHs.

E-3 Photodegradation of E2 in NM-EDDS suspensions

The photodegradation of E2 was studied in the NMt&wis in the presence of EDDS.
Irradiation was performed with polychromatic tubemsitting between 300 and 500 nm.
Effect of NM, EDDS, oxygen, 2-propanol and E2 concarans and pH were all studied in
this work. Under our experimental conditions andha dark, no degradation of E2 was
observed in the absence and in the presence of NBISESimilarly, there was no

photodegradation of E2 without NM-EDDS under irraidiat

E-3-1 Effect of NM concentration on the photodegradation of E2

Figure IV-E-9 shows E2 degradation at various NM emi@tion in irradiated suspensions
containing initially 5uM of E2, 250uM of EDDS at pH = 5.0. The initial degradation rate o
E2 was increased with increasing the concentratioNM from 0.1 g L* to 10 g L%
However, the final degradation efficiency after 8fhrradiation has the opposite trend. With
the higher concentration of NM, there is more Hp@DDS complex formed in the
solutions or on the NM surface, which induced th&tdr initial degradation rate of E2. But
with the faster degradation of E2, in the same tilBBDS was also more quickly
decomposed. When EDDS is completely decomposed ptiztochemical reaction of
Fe(lll)-EDDS is stopped. So we can see from the feigW-E-9 that with the higher
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concentration of NM, the photodegradation of E2 tepged earlier and finally the
degradation efficiency is lower. We also need taenthat although the maximal
concentration of NM used is two orders of magnitutigher than the minimum
concentration used, there is no big differencehm degradation efficiency of E2. These
results indicated that for removing the organic poonds in the aqueous solutions, small

amount of NM is enough to get a good degradatibaiefcy in the presence of EDDS.

—=— NMO0.1gL", EDDS 25QuM, pH 5
—e NM1gL", EDDS 25QuM, pH 5
—4— NM6 g L*, EDDS 250uM, pH 5
—v NM 10 g L*, EDDS 25QuM, pH 5
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Figure 1V-E-9 Influence of NM concentration on thephotodegradation of E2 in the presence of
EDDS. The experimental conditions were as follow$E2] = 5 uM, [EDDS] = 25QuM, irradiation
time 8 h, pH =5.0.

E-3-2 Effect of EDDS concentration on the degradation of E2

Effect of EDDS concentration on the degradation ofag® studied with [NM] = 6 g 1,
[E2] = 5uM, at pH = 5.0 and different concentration of EDD8ni O to 1000QuM. As
shown in Figure IV-E-10, the initial degradationeraif E2 increased with increasing the
concentration of EDDS in the range of O - 280. After the maximum rate at 25M, the
degradation rate of E2 was decreased with the ctnatciem of EDDS. The degradation
efficiency of E2 after 8 h of the irradiation has game trend, but the maximum efficiency is
achieved at the condition of 50 of EDDS. The initial rate and degradation efficignc
after 8 hours of irradiation of E2 at different centration of EDDS was shown in Table
IV-E-2.
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Table IV-E-2 Initial rate and degradation efficiency after 8 hours of irradiation of E2 at different

concentration of EDDS

EDDS
Concentration 0 50 100 250 500 1000 10000

(1M)

Initial rate

(umol L* 0.00596 0.01287 0.01792 0.02036 0.01936 0.01583 0.00675
min%)

Degradation

efficiency 43.85% 53.93% 65.77% 83.21% 87.26% 83.60%  54.04%
after 8 hours

of irradiation

—=— EDDS OuM
—e— EDDS 50uM
—A— EDDS 100uM

1.0
. v EDDS 25QuM
1\ < EDDS 50QuM
08 2. > EDDS 100QuM
- e EDDS 1000Q:M
el S
Oo g O
B >\> ‘\~\'7,,,,¢t777 ~—~
0.4
e
0.2 %
0O 100 200 300 400 500

t (min)

Figure 1V-E-10 Influence of EDDS concentration onhe photodegradation of E2 in the presence of
EDDS. The experimental conditions were as follow§NM] = 6 g L™, [E2] = 5 uM, irradiation time
8h, pH=5.0

EDDS could complex iron in the NM suspension andthe interlayer. Higher
concentration of EDDS leads to the higher concantraif Fe(lll)-EDDS complex formed
which could undergo rapid photochemical reactiomglen irradiation leading to the
formation of hydroxyl radicals. Also EDDS could readth hydroxyl radicals acting 4®H
competitor with E2. During the degradation of E2, EDAS also degraded. Figure IV-E-11
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shows the change of EDDS concentration during thadimtion under the different
concentration of EDDS at pH 5. It was found that phetodegradation of EDDS and E2
have the similar trend. Figure IV-E-12 shows the parison of the photodegradation of
EDDS and E2 with different concentration of EDDS. Whhka degradation of EDDS
stopped, the photodegradation of E2 also stopp#tkagame time. When there were more
EDDS in the suspensions, its degradation contintieel,photodegradation of E2 also
continued. These results indicated that EDDS playedery important role in this
photochemical system.

_ — = EDDS 50uM
1000_1 47747 (a) —e— EDDS 100uM
_ < — A EDDS 250uM
“ —v— EDDS 500uM
8001 ¢ |« EDDS 1000M
o 600 .
= i <
= - ~_
é 400{ Vv o <
5 .
500
10.6]
10.4]\
im —a—eops 1000gm]  (P)
102' .\
g 100- .\.\.\.
£ 98] N
¢ 96 .
o 7]
9.4 \_
9.2 \
9-0 T T T T T T T T T u 1
0 100 200 300 400 500

t (min)

Figure IV-E-11 Change of EDDS concentration duringhe irradiation under the different
concentration of EDDS ([NM] = 6 g L', [E2] = 5puM, irradiation time 8 h, pH = 5.0).
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Figure IV-E-12 Comparison of the photodegradation 6EDDS and E2 with different concentration
of EDDS. (a): EDDS ® uM; (b) EDDS 100pM; (c): EDDS 250uM; (d) EDDS 500 pM; (e) EDDS
1000puM ([INM] =6 g L™, [E2] = 5pM, irradiation time 6 h, pH = 5.0).

E-3-3 Effect of pH on the degradation of E2

Figure IV-E-13 shows E2 photodegradation at vargidsvalues in suspensions containing
initially 6 g L™ of NM, 5uM of E2, 100uM of EDDS. The initial degradation rate of E2 was
maximal at pH = 6.0 and decreased above and béimapH value. Table IV-E-3 list the
initial rate and degradation efficiency after 8 twaf irradiation of E2 at different pHs. At
the same time, the degradaiton of EDDS was alsatgeteAs shown in Figure IV-E-14, the
influence of pH on the degradation of EDDS is samito the influence of pH on the
degradation of E2. It seems that the faster degmdaif EDDS leads to the faster
degradation of E2.

Comparing the photodegradation of E2 without EDDS\aitld EDDS under different pH
in NM suspensions, we got the results that thentgdtpH for the degradation of E2 without
EDDS is the acid pH and that with EDDS shift to tlrewunneutral pH (Figure IV-E-15). At
pH 3 and 9, the photodegradation of E2 was sligielyressed with EDDS in the solutions
and at all other pHs, the photodegradation of E2 wmaseased significantly. As we
mentioned in section IV-B-1-5, under the same cimdi the quantum vyield ofOH
formation by photolysis of Fe(OH) the most active species for photochemical praduct
of hydroxyl radicals, was 0.044, which is approxieia twenty times higher than the
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guantum yield of OH formation for photolysis of Fe(lll)-EDDS at pH(8.0025). So it is
easy for us to understand that the photodegradatig2 was slightly depressed with EDDS
than without EDDS in pH3. At pH 9, barely no solulble(lll) is in the solution for the
complexing with EDDS. So EDDS acts as scavenger @gfdxyl radicals more than as a
complex with Fe. Thus, although the Fe(lll)-EDDS Ht®has a high photoactivity, we did

not see the increased degradation rate of E2 with&EDDRhe suspensions.

—e—pHA4
—A—pHS5
.. ~ v pHE
. -~ < pH7

| » pHY

1.0

0.6+
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0.4+

= 1“[%%%'

0 100 200 300 400 500
t (min)

Figure IV-E-13 Influence of pH on the photodegradaibn of E2 in the present of EDDS. The
experimental conditions were as follows: [NM] = 6 ¢. 7, [E2] = 5uM, [EDDS] = 100puM,
irradiation time 8 h.

Table IV-E-3 The initial rate and degradation effidency after 8 hours of irridiation of E2 at

different pH
pH 3 4 5 6 7 9
Initial rate 0.0065 0.01055 0.0179 0.0255 0.0085 0.0021
(umol L™
min™?)
Degradation  57.0% 56.6% 65.8% 68.6% 41.9% 21.2%
efficiency at
8 hours
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Figure IV-E-14 Change of EDDS concentration duringhe photodegradation of E2 under the
different pHs ([EDDS] = 100puM, [E2] =5uM, [NM] =6 ¢ L™
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Figure IV-E-15 Comparison of the effect of pH on tle photodegradaton of E2 with or without
EDDS in NM suspensions. (a): pH 3; (b) pH 4; (c) pt3; (d) pH 7; (e) pH 9 ([EDDS] = 10QM, [E2]

=5uM, [NM]=6gL™.

E-3-4 Effect of oxygen on the degradation of E2

Figure IV-E-16 shows the influence of oxygen on piteotodegradation of E2 in NM

suspensions in the presence of EDDS. In the dedesatetion, there was just a slight loss

of E2 after 8 h of irradiation, which is much smatlean in the aerated solution and oxygen

saturated solution. However, no increased rateolvasrved in the oxygen saturated solution
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comparing with the aerated solution. These resnidteated that oxygen is a very important
factor that affects the photodegradation of E2 dandust take part in the photochemical
process in such system. Without oxygen, the hydreagicals could not be formed.

However, excess oxygen also can not promote thephemical reaction.

1.0*\, SN
1% >,
0.8 |
v\ —v— Air saturated conditign
06 4 —<— Purging with Q
©) ¥ —» Purging with N
5 1
0.4+ Q
<
] Ny
| v
02 B ,,,,,W'jjjifff'rj:;‘
0 100 200 300 400 500

Figure IV-E-16 Influence of oxygen on the photodegrdation of E2 in NM suspensions in the
presence of EDDS. The experimental conditions wees followed: [NM] = 6 g L*, [EDDS] = 250
pM, [E2] = 5 uM, pH = 5.0, irradiation time 8 h.

E-3-5 Effect of 2-propanol on the photodegradation of E2

Figure IV-E-17 shows E2 degradation at two differ@miropanol concentrations in the
irradiated suspensions containing NM (6 9 LEDDS (25:M,) and E2 (5uM) at pH = 5.0.
With 2-propanol in the solutions, the degradatib&® was deeply depressed. 2-propanol is
a very effectivé OH scavenger. This result indicated that the magratiation pathway of
E2 was the attack byDH. However, a small photodegradation efficiencyswhaserved in
the irradiated suspensions with the two differartaentration of 2-propanol. Thus, except
the main pathway through reacting wi@H, there is another pathway for the degradation of

E2, But it could be negligible compared to tkH radical reaction.
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Figure IV-E-17 Influence of 2-propanol on the photdegradation of E2 in NM solutions in the
presence of EDDS. The experimental conditions wees followed: [NM] = 6 g L*, [EDDS] = 250

pM, [E2] =5 pM, pH = 5.0, irradiation time 8 h.

E-3-6 Effect of theinitial E2 concentration

Under the conditions of 6 gLof NM, EDDS of 250uM and at pH = 5.0, the effect on
photodegradation of the initial E2 concentrationthie range of 0.65 to 11.32M was
analyzed. Figure IV-E-18 shows the concentratioriilpreariation of E2 at different initial
concentrations. The degradation rate increased intthreasing E2 concentration (data
shown in Table IV-E-4).

E2 photodegradation by NM in the presence of EDDS faand to occur according to the
Langmuir-Hinshelwood rate law (L-H equation), i.e.:

__dC_ kKC
dt ~ 1+KC

Where C is the concentration of E2 at time ‘t’ && are rate constant and the adsorption

coefficient respectively.
As shown in Figure IV-E-19, the initial reactionegand initial concentration fitted well
into the L-H equationk andK are calculated to be 0.178ol-L*-min‘*and 0.0412 lumol™

respectively.
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Figure IV-E-18 Influence of initial E2 concentration on the photodegradation of E2 in NM
solutions in the presence of EDDS. The experimentabnditions were as follows: [NM] = 6 g [,
[EDDS] = 250uM, pH = 5.0, irradiation time 8 h.
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Figure IV-E-19 Plots of Ro versus Co for E2 degrad#on in the NM suspensions in the presence of
EDDS
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Table IV-E-4 Initial rates at different initial con centration of E2

C (umol-L? Initial rate Kinetic equation Reaction rate
(umol-L-min®) (L-H) constank

(umol-L*-min?)

0.65 0.0053 _ 00071
1.66 0.0115 R=1x 0.0412:C
3.60 0.022 0.173
7.42 0.040 (R?=0.999)
11.32 0.055
Conclusions

The photodegradation of E2 was investigated in NMpensions in the absence and
presence of EDDS. The results indicate that the Nitentration, EDDS concentration, pH,
and oxygen all have an important impact on the Esapfiearance. In the NM-EDDS
suspensions, the optimal pH range for the degradlafi E2 was extended to the neutral and
near-neutral pH ranges (pH 5-9). On the contrathout EDDS, the optimal pH is limited
to the acid pH. In the NM-EDDS system, small amafriiM (0.1 g L'%) is enough to get
good degradation efficiency in the presence of EDB@ achieving the best efficiency of
E2 degradationappropriate EDDS concentration should be chosen. ddégradation
kinetics of E2 follows the Langmuir-Hinshelwood rédev. After adding 2-propanol into the
suspension, there was almost no E2 degradationcaitnoly that the main degradation
pathway of E2 was reaction witlbH. Oxygen is a very important factor that affeitts
photodegradation of E2 and it must take part inpghetochemical process in this system.
Without oxygen, the hydroxyl radicals barely colld formed. However, excess oxygen
also can not promote the photochemical reaction.sThll these results show that
NM-EDDS system could be considered as an efficiaotqratalysis system for wastewater

treatment.

IV-F Degradation of E2 photoinduced by Goethite andsoethite-EDDS

F-1 Adsorption of E2 on Goethite

The adsorption of E2 on Goethite was very fast, tis®gotion equilibrium could be reached
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in the first ten minutes. Figure IV-F-1 shows this@rption isotherms of E2 on the Goethite
at pH 5.0. Both, the Langmuir model for monolaygsaption and the Freundlich model for
multilayer adsorption were applied to fit the expmntal data. It was found that the
Langmuir model described the adsorption of E2 ontidtmewell. The Langmuir model is
shown as
_ K bC
® 1+K,C
Where, C is the concentration in the clay solutadter equilibrium; G is the amount
adsorbed on the clay;ls the equilibrium constant and b is the maximumoant adsorbed
on the clay. Fitting the L equation.c&and b are calculated to be 0.02387rhol™* and
116.01umol g*. In the presence of EDDS, the E2 adsorption on thegttite is a little lower
than that without EDDS.
The pHzpc (pH at zero point of charge) of Goetlutdetected to be 4.0, which is in the
middle of the experimental pH values in our expenin But it was found that pH has no

obvious influence on the adsorption of E2 on goethit

404 u
30+ [

20+

Cis (umol/g)

10+

0 5 10 15 20 25
equilibrium concentration of EZ1{)

Figure IV-F-1 Adsorption isotherm of E2 onto the gethite ([Goethite] = 0.05 g L*, pH = 5.0)

F-2 Photodegradation of E2 in the Goethite suspermis

The photodegradation of E2 was studied in the Gaetbitspensions. Irradiation was
performed with polychromatic tubes emitting betwe2d0 and 500 nm. Effect of

concentration of Goethite and pH were studied iis thork. Under our experimental
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conditions and in the dark, no degradation of E2 wlaserved in the absence and in the
presence of Goethite. Similarly, there was no piegoadation of E2 without Goethite

under irradiation.

F-2-1 Effect of Goethite concentration on the photodegradation of E2

Effect of Goethite concentration on the degradatibB2 was studied with [E2] = 5M, at

pH = 3.0 and different concentrations of goethitenf 0 to 0.4 g . As shown in Figure
IV-F-2, the kinetics of E2 degradation is strondgpendent on Goethite concentration. The
disappearance of E2 became faster when the contientod Goethite increased from 0 to
0.05 g L*. However at higher Goethite concentrations thd@s @ L', the rate of E2
disappearance decreased with increasing the Geethiitcentration. This negative effect is
attributed to the fact that excessive amount af oride limits the penetration of UV light in
the solution and leads to the quick decay of UVitlimtensity. During the irradiation, the
concentration of Fe(tot) and Fe(ll) was also deidett the same time. As shown in Figure
IV-F-3 and IV-F-4, the concentration of Fe(tot) aR@(ll) was increased during the
irradiation and was higher with higher concentrmatod Goethite. But even there was iron
dissolved during the irradiation, the amount ohiia the suspensions is very small. The
amount of Fe(tot) dissolved in the 0.05 ¢ Goethite suspensions after 8 hours of irradiation
was about 1QM.

0O 100 200 300 400 500
t (min)

Figure IV-F-2 Influence of Goethite concentration o the photodegradation of E2 in aqueous
solutions containing Goethite at different concentations in the range of 0 — 0.4 g £ The
experimental conditions were as follows: [E2] = aM, irradiation time 8 h, pH = 3.0.
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Figure IV-F-3 Concentration of Fe(tot) during the irradiation ([E2] =5 pM, irradiation time 8 h,
pH = 3.0).
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Figure 1V-F-4 Concentration of Fe(ll) during the ir radiation ([E2] = 5 pM, irradiation time 8 h, pH
=3.0).

F-2-2 Effect of pH on the photodegradation of E2

The pH of zero-point-charge (pHzpc) of Goethite esedted to be 4.0. We varied the pH
value of the suspensions below and above the pt#pe of Goethite. Figure IV-F-5 shows
the effect of pH on the photodegradation of E2 \ift#] = 5uM, [Goethite] = 0.05 g I* and
different of pH from 3 to 9. Obviously, the optingH for the degradation of E2 was 3.0, and
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there was no significant effect on the degradatiols2 at other pHs. The changed of the pH
was also investigated. As shown in Figure IV-F&ept that the pH kept constant value
near 3 for starting pH of 3.0 during the irradiatiat all other pHs, the pH decreased quickly
at the first one hour and then kept constant. \We mivestigated the release of iron during
the irradiation (Figure IV-F-7). There is more in@beased at low pH in the range of 2 - 5. At
pH higher than 5, no iron is detected in the susioais.
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Figure IV-F-5 Influence of pH on the photodegradatbn of E2 in aqueous solutions containing
Goethite. The experimental conditions were as folls: [E2] = 5uM, [Goethite] = 0.05 g L,
irradiation time 8 h.
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Figure IV-F-6 Changes of pH during the irradiation ([E2] = 5 uM, [Goethite] = 0.05 g L*,
irradiation time 8 h).
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Figure IV-F-7 Concentration of iron during the irra diation ([E2] = 5 uM, [Goethite] = 0.05 g L*,
irradiation time 8 h).

F-3 Photodegradation of E2 in the Goethite-EDDS coptex solutions

The photodegradation of E2 was studied in the Ga&ethispensions in the presence of
EDDS. Irradiation was performed with polychromatibés emitting between 300 and 500
nm. Effect of Goethite, EDDS, oxygen, 2-propanol &2dconcentrations and pH were all
studied in this work. Under our experimental coiodis and in the dark, no degradation of
E2 was observed in the absence and in the presé@methite-EDDS. Similarly, there was

no photodegradation of E2 without Goethite-EDDS wurctadiation.

F-3-1 Effect of Goethite concentration on the photodegradation of E2

Figure IV-F-8 shows the photodegradation of E2 iretBide suspensions in the presence of
EDDS as function of Goethite concentration. The c&té2 degradation was increased with
increasing the Goethite concentration in the rafg@ o 0.04 g [, but at higher Goethite
concentration of 1 gL, the rate of E2 degradation decreased. In the pressf EDDS, the
effect of Goethite concentration is not that obglgucomparing with that in the condition

without EDDS in the suspensions.
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Figure IV-F-8 Influence of Goethite concentration @ the photodegradation of E2 in the presence of
EDDS. The experimental conditions were as follow$E2] = 5 uM, [EDDS] = 250puM, irradiation
time 8 h, pH =5.0.

F-3-2 Effect of EDDS concentration on the photodegradation of E2

Effect of EDDS concentration on the degradation ofwa studied with [E2] = M,
[Goethite] = 0.05 g I at pH = 5.0 and different concentrations of EDDSrfr0 to 5 mM.
As shown in Figure IV-F-9, there was just near 1df%:2 degradation without EDDS in the
suspensions after 8 hours of irradiation. With EDDSthe suspension, the initial
degradation rate was increased significantly. Im experimental conditions, the initial
degradation rate was decreased with increasindgeMi@S concentration from 50 to 5000
MM, but the optimal final photodegradation effi@gnafter 8 hours of irradiation was
achieved with 250 uM of EDDS in the suspensions. Wthe concentration of EDDS was
less than 250 pM, the final photodegradation efficy increased with the increaséde@iDS
concentration, while the final photodegradatioriceghcy decreased with the increase of
EDDS concentration wheBDDS concentration was higher than 250 uM.

EDDS could form complexes with iron in the Goetlstespension and in the interlayer as
Fe(ll)-EDDS complex which is more photoreactive pwoducing hydroxyl radicals under
irradiation. Also EDDS could react with hydroxyl reals acting aOH competitor with E2.

In the Goethite suspensions and in the presen&®DBIS, the amount of iron dissolved in

the suspensions is between 3-11 uM, which is mowfer than the initial concentration of
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EDDS used. No big difference was found with theedéht concentration of EDDS in the
suspensions (Figure IV-F-10). So in the initial @ite suspension, 50 uM of EDDS is high
enough to completely complex with dissolved iroror®IEDDS act as th€®©H competitor.
Thus, we found that the initial degradation rate wasreased with increasing the EDDS
concentration from 50 to 5000 uM. During the iredoin, EDDS was also decomposed, as
shown in Figure IV-F-11. After complete photodegtioh of EDDS, Fe(lll)-EDDS was no
longer present in the solution and the photodedi@uaf E2 was stopped. With more
EDDS in the suspensions, the degradation of E2 acmirtinue for a longer time. Thus, the
best photodegradation efficiency after 8 hoursri@diation was found at the condition of

250 uM EDDS in our experimental conditions.
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Figure IV-F-9 Influence of EDDS concentration on tle photodegradation of E2 in the presence of
EDDS. The experimental conditions were as follow§Goethite] = 0.05 g L}, [E2] = 5puM,

irradiation time 8 hours, pH = 5.0.
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Figure IV-F-10 Concentration of iron during the irr adiation ([Goethite] = 0.05 g L*, [E2] = 5 uM,
irradiation time 8 hours, pH = 5.0).
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Figure 1V-F-11 Change of EDDS concentration duringhe irradiation with different starting
concentration of EDDS ([Goethite] = 0.05 g ', [E2] = 5puM, irradiation time 8 hours, pH = 5.0).
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Figure IV-F-12 Changes of pH during the irradiation ((Goethite] = 0.05 g L, [E2] = 5 uM,
irradiation time 8 hours, pH = 5.0).

F-3-3 Effect of pH on the photodegradation of E2

The effect of pH on the photodegradation of E2 inpgresence of EDDS was studied with
Goethite at 0.05 g't, initial concentration of [E2] = M and [EDDS] = 25@M. As shown
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in Figure IV-F-13, the photodegradation of E2 wasrgjly dependent on the initial pH. The
optimal initial pH value for the photodegradatidr&@ was obtained for pH 4.0 and 5.0. The
initial degradation rate of E2 decreased above ahobthese optimal pH values. At the
same time, the degradation of EDDS was also deteétedhown in Figure IV-F-14, the

influence of pH on the degradation of EDDS is samito the influence of pH on the

degradation of E2. It seems that the faster degmdaif EDDS leads to the faster

degradation of E2.

Figure IV-F-15 shows the amount of iron dissolved the suspensions during the
irradiation. The amount of Fe(tot) and Fe(ll) slowlgreased during the irradiation, but the
values were very small, the amount of Fe(ll) isoleB uM even at pH 3. Figure IV-F-16
shows that during the irradiation, the pH was shgincreased in the acid pH range and
decreased in the basic pH range.

Figure IV-F-17 indicated the comparison of the pleigradation of E2 without EDDS
and with EDDS in Goethite suspensions. At all the fit¢ photodegradation of E2 was
significantly increased after adding EDDS in theuiohs, more particularly near theutral
pH. Without EDDS, the optimal pH for the degradatudre2 was limited around 3 and even
at pH 3, the degradation efficiency was low. Thig addition of EDDS to the Goethite
suspensions extended the pH for the effective dagjan of E2 and increased the

degradation efficiency.

—® pH4
1|-—4—pH5
0.24| v pHE
{—¢—pHT
0.0{=>—pHY

0 100 200 300 400 500
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Figure 1V-F-13 Influence of pH on the photodegradabn of E2 in aqueous solutions containing
Goethite in the presence of EDDS. The experimentabnditions were as follows: [E2] = uM,
[Goethite] = 0.05 g L%, [EDDS] = 250uM, irradiation time 8 hours.
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Figure IV-F-14 Change of EDDS concentration duringhe irradiation under the different pH ([E2]
= 5uM, [Goethite] = 0.05 g L%, [EDDS] = 250uM, irradiation time 8 hours).
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Figure IV-F-15 Concentration of iron during the irr adiation ([E2] = 5 M, [Goethite] = 0.05 g L,
[EDDS] = 250uM, irradiation time 8 hours).
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Figure IV-F-16 Changes of pH during the irradiation ([E2] = 5 uM, [Goethite] = 0.05 g L*, [EDDS]
= 250puM, irradiation time 8 hours).
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Figure 1V-F-17 Comparison of the effect of pH on tle photodegradation of E2 with EDDS in
Goethite suspensions with or without EDDS. (a): pk; (b) pH 4; (c) pH 5; (d) pH 6; (e) pH 7; (f)
pH 9 ([E2] = 5puM, [Goethite] = 0.05 g L*, [EDDS] = 250uM, irradiation time 8 hours).

F-3-4 Effect of oxygen on the photodegradation of E2

Goethite suspensions containing EDDS and E2 weréliated in deaerated (nitrogen
bubbling), aerated or oxygen saturated medium. Toeesponding kinetics of E2
disappearance is represented in Figure IV-F-18ok¢erved an important effect of oxygen.

The degradation of E2 in the absence of oxygen wag slew. Oxygen seems to be
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necessary for E2 photodegradation. However, theoplegradation of E2 was not promoted
in oxygen saturated suspension comparing withithtite aerated suspension. Thug,i<a
limited parameter for the photochemical reactiohtbe photodegradation rate of E2 in the
Goethite-EDDS suspensions is not controlled b@ncentration.

During the irradiation, the concentration of EDDSswietected. As shown in Figure
IV-F-19, there was no photodegradation of EDDS olesem the deoxygenated suspension.
The kinetics of EDDS photodegradation in the oxygenrated and aerated suspensions are
almost the same, which is like the photodegradaifde?. Figure 1V-F-20 shows the amount
of iron dissolved in the suspensions. The conceotratof dissolved Fe(tot) and Fe(ll)
increased during the irradiation. In the aerated arygen saturated suspensions, the
concentration of Fe(tot) was near 10 uM after 8rbai irradiation. But in deoxygenated
suspension, the concentration of Fe(tot) reacheslae of 100 uM at the end of the
irradiation. Thus, it is well known that light-inded dissolution of iron from Goethite oxide
and more patrticularly in the presence of iron carpike EDDS. In deaerated suspension,
EDDS was not degraded and as a consequence thentratioa of dissolved iron could
increase in the suspension. In the absence of oxygephotoredox process from the iron
complex is not effective. The dissolved iron dezdctvas Fe(lll), which is due to the
formation of Fe(lll)-EDDS complex through the readtiof the reductive Fe(ll) and EDDS
under the irradiation (reaction (1)).

Goethite O - dissolved Fe(l1)}- — soluble Fe(lll)-EDDS complex (1)
As other Fe(lll)-carboxyl ate complexes, the finsb steps of photochemical reaction of
Fe(ll)-EDDS complex was thought the ligand-to-methhrge transfer (LMCT) reaction
producing Fe(ll) and ligand-free radical and thiee @ formation, as shown in following
reactions:
Fe(ll)-L + hv — [Fe(ll)-L] * — Fe(I) + L (2)
L°+0, -0, + I 3)
In the deoxygenated suspension, although the mgbuat of dissolved Fe(lll) is formed,
which is mean that the concentration of Fe(lll)-ED&®uld be high in the suspensions, the
rate of E2 photodegradation was very slow. This teshdws that in the photoredox process
of iron complexes the starting reaction (reacti@)) (s important, but the key reaction
controlling the amount ofOH formation (leading to the degradation of orgasdenpound
like E2) is not the reaction (2) but the reaction (3
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Figure 1V-F-18 Influence of oxygen on the photodegrdation of E2 in Goethite suspensions in the
presence of EDDS. The experimental conditions wees follows: [Goethite] = 0.05 g [}, [EDDS] =

250uM, [E2] = 5uM, pH 4.0, irradiation time 8 hours.
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Figure IV-F-19 Change of EDDS concentration duringhe irradiation ([Goethite] = 0.05 g L,
[EDDS] = 250uM, [E2] = 5uM, pH 4.0, irradiation time 8 hours).
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Figure IV-F-20 Concentration of iron during the irr adiation ([Goethite] = 0.05 g L, [EDDS] = 250
M, [E2] = 5uM, pH 4.0, irradiation time 8 hours).

F-3-5 Effect of 2-propanol on the photodegradation of E2

2-propanol (0.1%) was added to some Goethite-E2esissons in order to give evidence for
the formation of OH radicals. Actually, 2-propanol is usually usedaahydroxyl radicals
scavenger, the rate constant of reaction of thedieals on 2-propanol being close t& 20°
M~ st (Buxtonet al, 1988). The results clearly showed that the degianl of E2 was
strongly affected by the presence of 2-propanoyufé IV-F-21) demonstrated thadDH

radicals are involved in the process of E2 photcafdafion.
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Figure IV-F-21 Influence of 2-propanol on the photaegradation of E2 in Goethite suspensions in

the presence of EDDS. The experimental conditionsene as follows: [Goethite] = 0.05 g I, [EDDS]
= 250uM, [E2] = 5uM, pH 4, irradiation time 8 hours.

F-3-6 Comparison of the homogenous and heterogeneous reaction

The photochemical process in the presence of irodecand oxalate/citrate together has
been described in detail by some researchers (Addang, 1997; Balmer and Sulzberger,
1999; Ouet al, 2008). It should be noted that this photochehpoacess happened both on
the surface of iron oxide as a heterogeneous ocgachnd also in the solution as a
homogeneous reaction. To compare the efficiencyaathite-EDDS heterogeneous system
with that in Fe(lll)-EDDS homogeneous system, a bgemeous system was set up by
adding 10 uM of Fe(llljsame concentration in Goethite and EDDS suspensiath)250
nM EDDS to degrade E2 under irradiation. The reshtswy that the E2 degradation was
only 34% in homogeneous system, which is much Iawan in the heterogeneous system
(Figure IV-E-22). These results indicate that the degradation in the Goethite-EDDS
suspension was achieved at a higher efficiency tthanin the homogenous system.

The photodegradation of E2 was also investigatedlarKSF, NM, Goethite suspension
respectively in the same condition. As shown irnukgglV-F-23, under the same condition,
the initial rate of E2 degradation was higher witSKKthan Goethite and than NM. This
result is certainly due to the concentration osdiged iron in the solutions which is in the

same order. The concentration of dissolved irorigkdr in the presence of KSF than with
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Goethite and than with NM. With more iron in thdwmn, more Fe(lll)-EDDS complex
will be formed, which lead to a fast photochemipabcess. However, at the end of the
irradiation (but not the same time of irradiatiamall the suspensions the same degradation
efficiency was achieved. Thus, except the homogenaeaction, the heterogeneous

reaction must be happened, but it should be sltvegr the homogeneous reaction.
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Figure 1V-F-22 Photodegradation of E2 under heterogneous system and homogeneous system
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Figure IV-F-23 Photodegradation of E2 in the threeifferent minerals- EDDS system

F-3-7 Effect of initial concentration of E2

Under the conditions of [Goethite] = 0.05 @, [EDDS] = 250uM and pH 6, the effect of
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initial concentration of E2 on the photodegradatb&2 was studied. Figure 1V-F-24 shows
the concentration profile of E2 at different initisbncentrations in Goethite-EDDS
suspensions. The initial rate Ricreased upon increasing the initial concentratibE2 in
the rage of 0.99-15.08M (data shown in Table IV-F-1). Figure IV-F-25 repents the
variation of the initial rate of E2 degradation afiaction of the initial E2 concentration.
The curve fit well into the Langmuir-Hinshelwoodedaw (L-H equation), i.e.:

__dC_ kKC
dt ~ 1+KC

Where C is the concentration of E2 at time ‘t' dnénd K are rate constant and the

adsorption coefficient respectively. The values ivlaté fork andK are 0.097%mol-L™*-min™

and 0.0308 lumol™ respectively.
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| ‘\{ —e— C,=2.35M
12- —A—C, = 4.51yuM
\ v C,=8.91uM
9 _
< 1\1\ N —<— C,=15.03uM
é 1 ‘\ ‘\ ~
O 6 v\\v 4

0 : : . — ;
0 100 200 300 400 500

t (min)

Figure 1V-F-24 Influence of initial E2 concentration on the photodegradation of E2 in Goethite
suspensions in the presence of EDDS. The experimahtonditions were as follows: [Goethite] =
0.05 g L*, [EDDS] = 250uM, pH 6, irradiation time 8 hours.

Table IV-F-1 Initial rate of E2 degradation for dif ferent initial E2 concentration

C (umol-L™") Initial rate Kinetic equation Reaction rate
(umol-L*-min®) OL-HO constanky
(umol-L*-min?)

0.99 0.00312 ~0.0030L
2.35 0.00699 R= 1+ 00306C
451 0.01303 0.0979
8.91 0.01953 (R2=0.991)
15.03 0.03153
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Model: RectHyperbola
Equation: y = a*b*x/(1+b*x)

1| Weighting:
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Figure IV-F -25 Plots of Ro versus Co for E2 photoglgradation in the Goethite suspensions in the
presence of EDDS

Conclusions

The photodegradation of E2 was investigated in Gteetuspensions in the absence and
presence of EDDS. The results indicate that the Hieetconcentration, EDDS
concentration, pH, oxygen all have an importantadotpon the E2 disappearance. In the
present of EDDS, the effect of Goethite concentraisonot that obviously comparing with
that in the condition without EDDS in the suspensidn our experimental condition the
best photodegradation efficiency after 8 hoursrrddiation was found with 250 uM of
EDDS. In the Goethite-EDDS suspensions, the optphatange for the degradation of E2
was between 4.0 and 7.0. During the irradiationDBS0vas also disappeared gradually. The
influence of pH on the degradation of EDDS is samito the influence of pH on the
degradation of E2. It seems that the faster degomdaif EDDS leads to the faster
degradation of E2. Oxygen is found to be a limitedameter in the Goethite-EDDS
photochemical system. Comparing with the Fe(lll)lE® homogeneous system, the
Goethite-EDDS system is more efficient for the E2rddgtion. In the goethite-EDDS
system, the main degradation pathway of E2 is prdwelde reaction withOH reaction.
Thus all these results show that goethite-EDDS sysgewery complex but could be

considered as an efficient photocatalytic systenwi@mstewater treatment.
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V-General conclusions

In this work the photochemical performance, ondbgradation of lff-estradiol used as a
probe molecule, of Fe(lll)-EDDS, Montmorillonite KSKSF), Natural Montmorillonite
(NM) and Goethite in the presence of EDDS were igated. Our results provide some
important knowledge for the fate of pollutantshe natural aquatic environment and for the
photocatalytic treatment of organic pollutants. Maonclusions of this dissertation are as
follows.

The photochemical impact of Fe(lll)-EDDS complex dre tquantum yield of OH
formation and on the degradation offi&stradiol (E2) was investigated. For the first time
the quantum yield ofOH was evaluated by photolysis of Fe(lll)-EDDS. Thuantum yield
of "OH was independent of the concentration of Fe@DPS. The effects of Dand
irradiation wavelength on the quantum yield©H are very well known and are the same as
for any other iron species. On the contrary, thiectfof pH is not obvious for this
Fe(ll)-EDDS complex. The quantum yield @H radical formation was higher at higher
pHs between 3.0 and 9.0. This result is particulerigresting for the natural environment.
Correspondingly, E2 could be photodegraded by tlwtaghysis of Fe(ll)-EDDS, which is
influenced by the concentration of Fe(lll)-EDDS, pBh, and the concentration of Fe(lll).
The Fe(ll)-EDDS complex would be of importance fible transformation of organic
compounds in the environment due to its higher géucitvity at pHs more relevant to the
natural environment.

The reaction rate constants @H on E2 and EDDS were measured by competition
kinetics with 2-propanol. The reaction rate constfrie,..or and kpps..on was 6.7 x 19
M™s® and 2.0 x 1®Ms? respectively. The rate constant ®H on E2 was about ten times
faster than on EDDS. Several photoproducts werecteteMost of them formed byH
radicals attack on the aliphatic rings and the atosning in the E2 structure.

The quantitative determination @®H radicals in the Montmorillonite suspensions unde
irradiation of a 250 W metal halide lamjp> 365 nm) was investigated. We confirmed that
hydroxyl radicals were produced by illuminating Maorillonite which was responsible for
the photooxidation of benzene in aqueous suspensibMontmorillonite. Low pH value
facilitated the formation of hydroxyl radicals ihet pH range of 2.0 to 10.0. ThéeH
concentration increased with increasing the comagah of Montmorillonite in aqueous

solutions in the range of 0 to 20.0 g'.LHigher concentration like 25.0 gLof

168



Montmorillonite inhibited the OH production. Iron, predominantly free iron in ttlays, is
believed to be one of the most important factotsm&ining’ OH formation. Structural irons
in Montmorillonite have also contributions 1©H formation but especially in the presence
of carboxylate ions. The formation @@H from Montmorillonite under irradiation of near
UV and visible light indicates that clays might yplamportant role not only in transfer
through adsorption but also in transformation tiglowxidation of organic compounds on
the surface of clay particles in air, water, soiegen top sediments.

The adsorption and photocatalytic degradation psoaadEsE2 in the suspension of
Montmorillonite KSF, Natural Montmorillonite (NM) el Goethite were studied. The
adsorption of E2 on the minerals is fast and wedie Tesults followed the Langmuir
equation in the KSF and Goethite suspensions, &edFreundlich equation in NM
suspensions. EDDS influence slightly the E2 adsamptio the minerals. However, the
influence of E2 adsorption on the degradation p®cess not found. The optimal
concentration of KSF, NM and Goethite for the Egraelation was 1.0 g1, 6.0 g L'}, 0.1 g
L* respectively. The degradation of E2 was decreas#d imdéreasing the pH and in the
basic pH there was almost no E2 degradation. ThenappH for the E2 degradation was
around 3.0 in all the three minerals. The resuliiicated that the iron in the minerals was
involved in the photocatalytic process.

The photocatalytic degradation process of E2 in tlspansion of Montmorillonite KSF,
Natural Montmorillonite and Goethite in the presen¢ EDDS were studied. In these three
minerals-EDDS suspensions, the degradation of Edfisgntly increased at near-neutral
pH and basic pH (pH 5.0 to 9.0). On the contramhaut EDDS, the optimal pH is limited in
the acid pH (3.0 to 4.0). These results demonsthatiethe mineral-EDDS photochemical
system is less limited by the pH condition and anpsing way for the removal of
contaminants in the natural aquatic environmeng dégradation kinetics of E2 follows the
Langmuir-Hinshelwood rate law in all the three male-EDDS system. Small amount of
minerals is enough to get good degradation effayren the presence of EDDS, i.e. KSF 0.1
g L'Y, NM 0.1 g L'* and Goethite 0.1 g’k The concentration of EDDS is a very important
factor influencing the efficiency of E2 degradati@rhich can not be too low or too high for
acting as scavenger of hydroxyl radicals. DurirggE2 degradation, EDDS also is degraded.
EDDS plays an important role for keeping ferrousismluble at cirumneutral pH and the
photochemical process of the minerals-EDDS can coetiAfter adding 2-propanol into the

suspension, there was almost no E2 degradationcaitnaly that the main degradation
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pathway of E2 was the reaction withH. Oxygen is a very important factor that affebis
photodegradation of E2. Oxygen takes part in theqai@mical process in such system.
Without oxygen, the hydroxyl radicals barely coblkel formed. Thus all these results show
that the concentration of minerals and EDDS, satupbl and oxygen must be taken into
account as major parameters to improve the effogier the mineral-EDDS photochemical
process.

In this work, though study the main factors thdluence the photodegradation of E2 or
the formation of hydroxyl radical in EDDS-Fe(lll)/maral system, we start to understand
the photochemical process of these systems. Howiweemechanism of EDDS-mineral as
a photochemical system is still poor understood. Tgtetochemical process in
EDDS-mineral system happened both on the surfang@redral as a heterogeneous reaction
and also in the solution as a homogeneous reacfioa.research of the heterogeneous
reaction on the surface of the minerals shouldtessed in further.
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Figure IlI-C-4 Schematic of the experimental setopphotooxidation of benzene. Lamp:
250-W metal halide lampex> 365 nm,| = 34 pW crif.

Figure 1lI-D-1 Calibration curve of Fe(ll) conceation

Figure IlI-D-2 Calibration curve of HTPA

Figure IlI-D-3 Calibration curve of phenol

Figure IlI-D-4 Calibration curve of EDDS concentosit

Figure IV-A-1 The UV-Visible absorption spectrum &2 solution with different

concentration

Figure IV-A-2 Molar absorption coefficients at 2i8h.

Figure IV-A-3 Chemical structure of the differeme¢ieoisomers of EDDS.

Figure IV-A-4 UV-Visible absorption spectra of EDES function of pH. (JEDDS] = 0.2
mmol LY

Figure IV-A-5 Distribution diagram of EDDS aqueouswion as a function of pH values

range from O to 14, calculated with equilibrium stamts from Vandevivere et al.
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(2001) at 257.
Figure IV-A-6 UV-Visible spectrum of Fe(lll)-EDDSofution with different concentration
(pH = 3.88)

Figure IV-A-7 Molar absorption coefficients at 268

Figure IV-A-8 UV-Visible absorption spectra of FEHEDDS solution under different pH
(Fe(lll)-EDDS 10* M)

Figure IV-A-9 UV-Vis spectrum of monochromator iiation of Fe(lll)-EDDS solutions at
different pH (Fe(lll)-EDDS 0.1 mM,= 365 nm, Monochromateur 6 Xe Schoffel
1600W) (a) pH 3; (b) pH 4; (c) pH 5.1; (d) pH 6) i 7; (f) pH 9.1.

Figure IV-A-10 The A = 240 nm(Fe(l11)-EDDS) at the different time under the dint pH

Figure IV-A-11 Powder XRD pattern of the montmamiite KSF, NM, Goethite.

Figure IV-A-12 FT-IR spectra of KSF, NM, Goethite

Figure IV-A-13 The isoelectric point (PI) of the renals

Figure IV-A-14 TEM image of KSF

Figure IV-A-15 TEM image of NM

Figure IV-A-16 TEM image of Goethite

Figure IV-B-1 UV-visible absorption spectrum of B2 (M), Fe(ll)-EDDS (100uM), TPA
(100 pM) and emission spectrum of sunlight

Figure 1V-B-2 UV-Visible absorption spectra of A®HEDDS solution at pH = 3.0 during
irradiation ([Fe(ll)-EDDS] = 1x18 M, Ay = 365 nm)

Figure 1V-B-3 Initial degradation rate of 17u® E2 upon monochromator irradiatioh £
313 nm) of 0.1 M N@ (NaNQs), at pH 3, as a function of the initial
concentration of 2-propanol. The experimental dageeviitted with equation (5)
to get ko .on = 6.7x10 M's?, Rop = 86x10°.

Figure IV-B-4 Initial degradation rate of 231 EDDS upon monochromator irradiatioh (
= 313 nm) of 0.1 M N@ (NaNG;), at pH 3, as a function of the initial
concentration of 2-propanol. The experimental dateeviitted with equation (5)
to get kpps.on = 2.0x16 M's?, Ry = 8.4x10°.

Figure IV-B-5 Effect of Fe(lll)-EDDS concentratiam the degradation of E2 ([E2] 3uB,

pH = 3.0).
Figure IV-B-6 Photogeneration of Fe (1) as funatiaf Fe(lll)-EDDS concentration ([E2] =
5 uM, pH = 3.0).

Figure IV-B-7 The change of the pH during the iredidin
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Figure IV-B-8 Effect of pH on the degradation of F2g(l1l)-EDDS] = 1x10* M, [E2] = 5

uM).

Figure IV-B-9 The change of pH during the irradiatet different pH.

Figure IV-B-10 The concentration of Fe(ll) and F&(tturing the irradiation (Fe(lll)-EDDS

10*M, E2 5uM)

Figure IV-B-11 Effect of oxygen on the degradatafrE2 ([E2] = 5uM, [Fe(lll)-EDDS] =
10* M, pH = 3.0).

Figure IV-B-12 The concentration of Fe(ll) and F&(tturing the irradiation (Fe(lll)-EDDS
10*M, E2 5uM)

Figure IV-B-13 Effect of iron concentration on thegdadation of E2 ([E2] = M, pH =
6.0).

Figure IV-B-14 The total ions chromatogram of reatsolution of E2 and Fe(lll)-EDDS

after 3h irradiation.

Figure IV-B-15 Mass spectras of E2 and photoprodusti

Figure IV-B-16 Proposed photodegradation schent&of

Figure IV-C-1 HPLC chromatogram of phenol produdemin scavenging of hydroxyl
radicals by benzene in clay suspension. The expetaheonditions were as
follows: montmorillonite 20.0 g t, benzene 7 mM, pH = 6.0, irradiation time 2
h, retention time 2.70 min.

Figure IV-C-2 Concentration decrease of benzeneaqneous clay suspensions under
irradiation and in darkness. Experimental conditiovere as follows: clay
concentrations, 20 gt pH 3.0; initial benzene concentration, 28@; 250 W
metal halide lampd) Montmorillonite in darknessaj Montmorillonite under

irradiation.

Figure IV-C-3 Influence of clay dosage on the hygtoradicals formation in aqueous
suspensions containing Montmorillonite at concdiuns in the range of 4.0 ~
25.0 g L% The experimental conditions were as follows: berz& mM,
irradiation time 6 h, pH = 9.8 (without adjusting).

Figure IV-C-4 Influence of pH on the hydroxyl radis formation in aqueous suspensions
containing Montmorillonite at pH values in the rangf 2.0 ~ 10.0. The
experimental conditions were as follows: Montmoriite 20.0 g [}, benzene 7
mM, irradiation time 6 h.

Figure IV-C-5 Citrate influence on the formation lofydroxyl radicals in the suspensions

176



containing clays. The experimental conditions weréolows: Montmorillonite
20.0 g L', benzene 7 mM, pH = 3.0.

Figure IV-C-6 Influence of the concentration ofFen the hydroxyl radicals formation in
aqueous solutions containing ?Feat concentrations 20, 50 and 80 pM
respectively. The experimental conditions were dkv®: benzene 7 mM,
irradiation time 3 h, pH =3.

Figure IV-C-7 Concentrations variations of ’Feand F&" versus irradiation times in

irradiated F&" suspensions. The experimental conditions werellasv& initial
Fe?* concentration 50 pM, benzene 7 mM, irradiatioreti®5 h, pH =3.

Figure IV-C-8 Citrate influence on the formation lydroxyl radicals in the solutions
containing acid-washed clays. The experimental ¢mmdi were as follows:
Montmorillonite 20.0 g [, benzene 7 mM, pH = 3.0.

Figure IV-D-1 The adsorption isotherm of E2 onto thentmorillonite KSF (KSF= 1gL,
pH 6)

Figure IV-D-2 Effect of pH on the E2 adsorption 08K ( KSF 1g [, E2 6 uM)

Figure IV-D-3 Influence of KSF concentration on thieotodegradation of E2 in aqueous

solutions containing KSF at different concentrasiomthe range of O - 6.0 g'L

The experimental conditions were as follows: B2 irradiation time 3 h, pH =

3.
Figure IV-D-4 The concentration of Fe during thadiation ([E2] = SuM, irradiation time
3 h, pH =3.0).

Figure IV-D-5 Influence of pH on the photodegradatiof E2 in aqueous solutions
containing KSF. The experimental conditions weré#dews: E2 5uM, KSF 1
g L™, irradiation time 3 h.

Figure IV-D-6 The initial degradation rate of E2 #tatent pH ([E2] = 5uM, [KSF] =1 g
L, irradiation time 3 h).

Figure IV-D-7 The concentration of iron during thediation ([E2] = 5uM, [KSF] =1 g L,
irradiation time 3 h).

Figure 1V-D-8 Influence of KSF concentration on tphotodegradation of E2 in KSF
solutions at the present of EDDS. The experimentadlitions were as follows:
E2 5uM, irradiation time 3 h, pH = 5.

Figure IV-D-9 Influence of pH on the photodegradatof E2 in KSF solutions at the present
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of EDDS. The experimental conditions were as folloSF 1 g ', E2 5uM,
EDDS 250uM, irradiation time 3 h.
Figure IV-D-10 The concentration of Fe(tot) durimg tirradiation (KSF 1 gL, E2 5uM,
EDDS 250uM, irradiation time 3 h).
Figure IV-D-11 The concentration of Fe(ll) duringethradiation (KSF 1 g &, E2 5uM,
EDDS 250uM, irradiation time 3 h).
Figure IV-D-12 The concentration of EDDS during thedliation (KSF 1 g !, E2 5uM,
EDDS 250uM, irradiation time 3 h).
Figure IV-D-13 Comparison of the photodegradatibiE® with and without EDDS under
different pH. (a): pH 3; (b) pH 4; (¢) pH 5; (d) @ (e) pH 7; (f) pH 9 (KSF 1 g
L™, E2 5uM, EDDS 250uM, irradiation time 3 h).

Figure IV-D-14 Influence of EDDS concentration ore thhotodegradation of E2 in KSF
solutions at the present of EDDS. The experimentadlitions were as follows:
KSF 1 g L'}, E2 5uM, pH 6, irradiation time 3 h.

Figure IV-D-15 The concentration of EDDS during thedliation (KSF 1 g !, E2 5uM,
pH 6, irradiation time 3 h).

Figure IV-D-16 The concentration of Fe(tot) durimg tirradiation (KSF 1 g't, E2 5uM,
pH 6, irradiation time 3 h).

Figure IV-D-17 The concentration of Fe(ll) duringtiradiation (KSF 1 g £, E2 5uM, pH
6, irradiation time 3 h).

Figure 1V-D-18 Influence of oxygen on the photodstation of E2 in KSF solutions at the
present of EDDS. The experimental conditions weréobsws: KSF 1 g L},
EDDS 250uM, E2 5uM, pH 6, irradiation time 3 h.

Figure IV-D-19 The concentration of Fe(tot) durihg rradiation (KSF 1 g't, EDDS 250
am, E2 5uM, pH 6, irradiation time 3 h).

Figure IV-D-20 The concentration of EDDS during thradiation (KSF 1 g I, EDDS 250
uM, E2 5uM, pH 6, irradiation time 3 h).

Figure 1V-D-21 Influence of 2-propanol on the phiggradation of E2 in KSF solutions at
the present of EDDS. The experimental conditions wsr®llows: KSF 1 g T,
EDDS 250uM, E2 5uM, pH 6, irradiation time 3 h.

Figure IV-D-22 Influence of the initial concentrai of E2 on E2 photodegradation in the
KSF suspensions in the present of EDDS. The expetaheonditions were as
follows: initial concentration of E2: 0.94, 1.8478, 8.13, and 12.98mol-L*,
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KSF 1.0 g [*, EDDS 250uM, irradiation time 3 h, pH = 6.0.
Figure IV-E-1Adsorption isotherm of E2 in suspensions of 6'gpf NM in the absence and
in the presence of different concentration of EO(P8 = 5.0).
Figure IV-E-2 Freundlich adsorption isotherm in srsgions of 6 g & of NM in the
absence and in the presence of different concenmtraf EDDS (pH = 5.0).
Figure IV-E-3 Adsorption isotherm of EDDS in suspensiof 6 g [* of NM (pH = 5.0).
Figure IV-E-4 Influence of pH on the adsorption of E2

Figure IV-E-5 Influence of NM concentration on thhotodegradation of E2 in aqueous
solutions containing NM at different concentratiomshe range of 0 - 6.0 gL
The experimental conditions were as follows: E2V§ irradiation time 8 h, pH
=3.

Figure IV-E-6 Influence of pH on the photodegradataf E2 in aqueous solutions. The
experimental conditions were as follows: NM = 6§ [E2] = 5uM, irradiation
time 8 h.

Figure IV-E-7 The concentration of Fe(ll) and Fe(tt)ing the irradiation (NM 6 g, E2
5uM, pH 3)

Figure IV-E-8 The change of pH during the irradiatairdifferent starting pH.

Figure IV-E-9 Influence of NM concentration on theopodegradation of E2 in the present
of EDDS. The experimental conditions were as follo#&2:5uM, EDDS 250
uM, irradiation time 8 h, pH = 5.

Figure IV-E-10 Influence of EDDS concentration or tphotodegradation of E2 in the
present of EDDS. The experimental conditions wertobmwvs: NM 6 g L,
E2 5uM, irradiation time 8 h, pH = 5.

Figure IV-E-11 The change of EDDS concentration dutitegirradiation under the different

concentration of EDDS at pH 5 ([NM] = 6 g'L[E2] = 5uM, irradiation time 8
h, pH =5.0).

Figure IV-E-12 Comparison of the photodegradationE®IDS and E2 with different
concentration of EDDS. (a): EDDS H®/; (b) EDDS 100uM; (c): EDDS 250
uM; (d) EDDS 500uM; () EDDS 100uM ([NM] = 6 g L, [E2] = 5uM,
irradiation time 8 h, pH = 5.0).

Figure IV-E-13 Influence of pH on the photodegraoiainf E2 in the present of EDDS. The
experimental conditions were as follows: NM 6§ E2 5uM, EDDS 100uM,

179



irradiation time 8 h.

Figure IV-E-14 The change of EDDS concentration dutirte photodegradation of E2 under
the different pH (EDDS 100M, E2 5uM, NM 6 g L)

Figure IV-E-15 Comparison of the effect of pH oe fthotodegradaton of E2 with EDDS in
NM suspensions with without EDDS in NM suspensidak.pH 3; (b) pH 4; (c)
pH 5; (d) pH 7; (e) pH 9 ([EDDS] = 1M, [E2] = 5uM, [NM] =6 g L™ .

Figure IV-E-16 Influence of oxygen on the photodelgtéon of E2 in NM solutions at the
present of EDDS. The experimental conditions weréolsws: NM 6 g L,
EDDS 250uM, E2 5uM, pH 5, irradiation time 8 h.

Figure IV-E-17 Influence of 2-propanol on the phagrhdation of E2 in NM solutions at
the present of EDDS. The experimental conditions asriollows: NM 6 g [,
EDDS 250uM, E2 5uM, pH 5, irradiation time 8 h.

Figure IV-E-18 Influence of initial E2 concentration the photodegradation of E2 in NM
solutions at the present of EDDS. The experimentadlitions were as follows:
NM 6 g L'*, EDDS 25uM, pH 5, irradiation time 8 h.

Figure IV-E-19 Plots of Ro vs. Co for E2 degradatiothe NM suspensions in the present
of EDDS

Figure IV-F-1 The adsorption isotherm of E2 ontogbethite (Goethite = 0.05 g'l_pH 5).

Figure IV-F-2 Influence of Goethite concentrationtbe photodegradation of E2 in aqueous
solutions containing Goethite at different concatns in the range of 0- 0.4 g

L. The experimental conditions were as follows: E&V irradiation time 8 h,

pH = 3.

Figure IV-F-3 The concentration of Fe(tot) during ilradiation (E2 uM, irradiation time
8 h, pH =3).

Figure IV-F-4 The concentration of Fe(ll) during fhediation (E2 5.M, irradiation time 8
h, pH = 3).

Figure IV-F-5 Influence of pH on the photodegradatiof E2 in aqueous solutions
containing Goethite. The experimental conditionsenas follows: E2 JuM,
Goethite 0.05 g &, irradiation time 8 h.

Figure IV-F-6 The changes of pH during the irradiat{E2 5uM, Goethite 0.05 g T,
irradiation time 8 h).

Figure IV-F-7 The concentration of iron during thediation (E2 :uM, Goethite 0.05 g T,

irradiation time 8 h).
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Figure IV-F-8 Influence of Goethite concentration the photodegradation of E2 in the
present of EDDS. The experimental conditions werfelésys: E2 5uM, EDDS
250uM, irradiation time 8 h, pH = 5.

Figure IV-F-9 Influence of EDDS concentration on tpleotodegradation of E2 in the
present of EDDS. The experimental conditions weifelésvs: Goethite 0.05 g
L, E2 5uM, irradiation time 8 h, pH = 5.

Figure IV-F-10 The concentration of iron during inediation (Goethite 0.05 g, E2 5
uM, irradiation time 8 h, pH = 5).

Figure IV-F-11 The change of EDDS concentration dytire irradiation under the different
concentration of EDDS at pH 5 (Goethite 0.05 E2 5uM, irradiation time 8
h, pH =5).

Figure IV-F-12 The changes of pH during the irrdadiat(Goethite 0.05 g £, E2 5uM,
irradiation time 8 h, pH = 5).

Figure IV-F-13 Influence of pH on the photodegramatof E2 in aqueous solutions
containing Goethite in the present of EDDS. The erpantal conditions were
as follows: E2 :1M, Goethite 0.05 g I, EDDS 250uM, irradiation time 8 h.

Figure IV-F-14 The change of EDDS concentration dutire irradiation under the different
pH (E2 5uM, Goethite 0.05 g I, EDDS 250uM, irradiation time 8 h).

Figure IV-F-15 The concentration of iron during ih@diation (E2 5uM, Goethite 0.05 g
L, EDDS 250uM, irradiation time 8 h).

Figure IV-F-16 The changes of pH during the irradiat(E2 5uM, Goethite 0.05 g T,
EDDS 250uM, irradiation time 8 h).

Figure IV-F-17 Comparison of the effect of pH oe fthotodegradation of E2 with EDDS in
goethite suspensions with without EDDS in goethitgpensions. (a): pH 3; (b)
pH 4; (c) pH 5; (d) pH 6; (e) pH 7; (f) pH 9 (E2uBA, Goethite 0.05 g t,
EDDS 250uM, irradiation time 8 h).

Figure IV-F-18 Influence of oxygen on the photodatation of E2 in goethite solutions at
the present of EDDS. The experimental conditionsewas follows: Geothite
0.05 g I'*, EDDS 250uM, E2 5uM, pH 4, irradiation time 8 h.

Figure IV-F-19 The change of EDDS concentration myithe irradiation (Geothite 0.05 g
L™, EDDS 250uM, E2 5uM, pH 4, irradiation time 8 h).

Figure IV-F-20 The concentration of iron during ttradiation (Geothite 0.05 g't, EDDS
250uM, E2 5uM, pH 4, irradiation time 8 h).
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Figure IV-F-21 Influence of 2-propanol on the pha#gradation of E2 in goethite solutions
at the present of EDDS. The experimental conditioasevas follows: Geothite
0.05 g !, EDDS 25uM, E2 5uM, pH 4, irradiation time 8 h.

Figure IV-F-22 Photodegradation of E2 under hetemeges system and homogeneous
system.

Figure IV-F-23 Photodegradation of E2 in the thréfeient minerals- EDDS system.

Figure IV-F-24 Influence of initial E2 concentrati@mn the photodegradation of E2 in
goethite solutions in the presence of EDDS. The exyatal conditions were
as follows: Goethite 0.05 g1, EDDS 25uM, pH 6, irradiation time 8 h.

Figure IV-F-25 Plots of Ro vs. Co for E2 degradatinrthe Goethite suspensions in the
presence of EDDS.

VI-3 List of scheme

Scheme II-A-1 Pathways of,B®, decomposition catalyzed by iron-bearing clay.

Scheme 1I-A-2 Fe cycling in the Goethite®/UV system (Heet al, 2002).

Scheme II-A-3 Fe cycling in the Goethite/oxalate//gystem (Mazallier and Sulzerger,
2001).

Scheme 1I-C-1 Simplified mechanism of E2 photodegtiat (Zhacet al, 2008).

Scheme IV-B-1 The cycle of photochemical procesBetfll)-EDDS in the presence of an
excess of EDDS.
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Tire francais :
Dégradation du 1Festradiol photoinduite par des complexes et dgdescde fer et par des
argiles : effet d'un agent complexant I'acide éémgdiamine-N,N’-disuccinique

Résume francais:

La photodégradation du g+stradiol (E2), un perturbateur chimique endoerinest réalisée
en présence d'un complexe de fer, d’'argiles et dugde de fer. Limpact d’'un agent
complexant du fer I'acide éthylenediamine-N,N’-disimique (EDDS) est aussi étudié. Apres
la détermination des propriétés physicochimiquesatuplexe Fe(ll)-EDDS, les rendements
guantiques de formation dé®H et de dégradation de E2 ont été évalués enidonde
différents parameétres (pH, {P [Fe(ll)-EDDS], [Fe(lID]). Pour la premiere fej les
rendements quantiques de productiofO¢i ont été mesuréga la photolyse du complexe
Fe(ll)-EDDS en utilisant I'acide téréphtalique com sonde. Dans une seconde partie, les
processus d’adsorption et de dégradation photgtigia¢ de E2 dans des suspensions de
Montmorillonite KSF, de Montmorillonite naturel éé Goethite sont étudiés. L'adsorption de
E2 sur les minéraux est rapide et faible. La véeds photodégradation de E2 est influencée
par la concentration en minéraux et le pH. Le meas de dégradation photocatalytique de
E2 dans ces systemes a par la suite été étudi@eenge d’'EDDS. Dans les trois suspensions
et en présence d’EDDS, la photodégradation de Eihante significativement dans la zone
de pH neutre et basique (de 5,0 a 9,0). Au cortraans EDDS le pH optimal est limité aux
pHs acides (entre 3,0 et 4,0). Les cinétiques deadation de E2 suivent un loi de vitesse du
modele Langmuir-Hinshelwood pour les trois systenfg la base de nos résultats, il est
possible de conclure que les systemes EDDS-Feflifraux sont photocatalytiquement
efficaces pour I'élimination de polluants organiguans I'eau.

Titre anglais:
17p-estradiol degradation photoinduced by iron compity and iron oxide minerals: effect

of the iron complexing agent ethylenediamine-N,Sudcinic acid

Résume anglais:

In this study the photodegradation of thep-Eétradiol (E2), an endocrine-disrupting
chemicals (EDCs), is investigated in the presenc&om complex, clay and iron oxide
minerals. The impact of one iron complexing agethtylenediamine-N,N'-disuccinic acid
(EDDS) in such systems is also investigated . Afterdetermination of the physicochemical
properties of Fe(ll)-EDDS complex, the quantumldse of ‘OH formation and of E2
degradation are evaluated as a function of diftepamameters (pH, [£ [Fe(lll)-EDDS],
[Fe(lll)]). For the first time, the quantum yieldsf ‘OH production are measureda
photolysis of Fe(lll)-EDDS with terephthalic acid probe. In a second part of the work, the
adsorption and photocatalytic degradation processesE2 in the suspensions of
Montmorillonite KSF, Natural Montmorillonite (NM) r@l Goethite are studied. The
adsorption of E2 on the minerals is fast and wéale. E2 photodegradation rate is influenced
by the concentration of minerals and pH. The phetedgtic degradation process of E2 in the
suspensions of Montmorillonite KSF, Natural Montitionite and Goethite in the presence
of EDDS are studied. In these three minerals-EDpeansions, the photodegradation of E2
significantly increases at near-neutral pH and dasi (pH 5.0 to 9.0). On the contrary,
without EDDS, the optimal pH is limited in the ag@#l (3.0 to 4.0). The degradation kinetics
of E2 follows the Langmuir-Hinshelwood rate lawai the three minerals-EDDS system.
Based on the above results, EDDS-Fe(lll)/mineratesys are effective photocatalysis system



for the removal of the organic pollutants from wate

Mots clés :
Oxydes de fer ; Argiles ; EDDS ; Radicaux hydrogyld PB-estradiol ; Photodégradation
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