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ABSTRACT

Drinking and hygiene water sustainability is a eatrconcern due to the rapid
pace of global urbanization and the vast coveragebgtween urban and rural areas
worldwide. Therefore, water recycling has beconme@essity to alleviate the fragile
state of most of the planet’s water resources asdohompted the search for viable and
efficient alternatives for wastewater treatmemt.rdsponse to this search, Advanced
Oxidation Processes (AOP), like UV/Ti@eterogeneous photocatalysis, have arisen and
are being extensively investigated.

The general goal of this research was to studyacherize, and model the TiO
mediated photocatalytic degradation (PCD) of sqmalr organic compounds (SPOC) as
a function of typical water parameters (pH, cartberacarbonate alkalinity, and ionic
strength) in order to determine possible base-casditions that may translate into an
efficient photocatalytic method for a final wateighing step. Similarly, we aimed to
find experimental evidence that may indicate thparntant role that hydrogen-bonding
interactions may play in the photooxidation of SP&@he catalyst surface.

Our results showed that the fastest initial degradaates of model SPOC
(isopropanol and acetone) occurred in a pH ran@# 68.61 were the optimal conditions
for adsorption through hydrogen-bonding to the ;I$Orface and optimum concentration
of hydroxyl radicals coincided.

The kinetic data that resulted from the effectarbonate-bicarbonate alkalinity
in the application of Ti@heterogeneous photocatalysis for the oxidaticacetone and
isopropanol showed that the extent of inhibitiortloeir initial rates of degradation

varied according to the type of anions and radi¢@; "/ HCGs') present in the

Xi



photocatalytic systems. Although it is known ttie carbonate anion adsorbs to a less
extent on the Ti@surface than bicarbonate anion, the higher alftityscavenging of
hydroxyl radicals of the former had a more detritagaffect on the photodegradation
rates of our target compounds at the pH of 10:B%e inhibitory effect of carbonate
anions on the photodegradation of isopropanol aetbae was suppressed at the highly
basic pH of 12.0.

Under the joint effect of pH and ionic strengthe #xCD rates of isopropanol and
acetone were susceptible to changes in the Broasidtbase character of the TiO
surface site speciation and depicted the greatearerement with the increase in ionic
strength at pH 6.04 (for isopropanol) and 8.61 éoetone). Further support to the role
of hydrogen-bonding interactions on the PCD ofmodel SPOC was obtained from the
study of 1:1 binary mixtures, since isopropanad, shibstrate bearing the best hydrogen-
bonding capacities, degraded predominantly in gsitesns.

Although the construction of a ranking of degragiatat the TiQ surface on the
basis of hydrogen-bonding abilities was not possitith the addition of a third model
compound (dimethylsulfoxide), the overall data edléd in our studies showed a good
correlation between the enhancement in the PCDiosa@tes of the model SPOC and

the increase in the Bronsted acid/base characteedurface speciation.

Keywords. TiO; heterogeneous photocatalysis, pH, carbonate-lmnatb alkalinity,

ionic strength, hydrogen-bonding interactions, $mallar organic compounds,

isopropanol, acetone, dimethylsulfoxide.
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CHAPTER 1

I ntroduction

1.1. Thesurface of titanium dioxide and the interface with aqueous solution
1.1.1. Water chemisorption

It is known that both common forms of titanium dd (TiO;), anatase and
rutile, have the 6-3 crystal configuration. Thatin the bulk of each solid the titanium
ion is surrounded by six oxygen neighbors, whike¢hitanium atoms coordinate to each
oxygen atom [Parfitt, 1976]. Contrary to the imesituation, vacant coordination sites
are present on the crystal surface. Thereforenwlaer (as vapor or liquid) enters in
contact with the Ti@surface the coordination sphere in th&€ Tan is filled with
chemisorbed water [Boehm, 1971; Bourikas et aD,120 Once this step occurs, the
surface has the ability to dissociate a proton ftbenwater molecule adsorbed on the
metal site resulting in the transfer of a protomht® neighbor surface oxide ion (the
bridging two-coordinated ©). This process results in the formation of twpety of
surface hydroxyl groups one on the metal site having monodentate attach(he.,
singly-coordinated or terminal OH group) and anothrethe oxide site which is
bidentate (i.e., doubly-coordinated or bridging @idup) [Boehm, 1971; Bourikas et al.,
2001]. This model of surface hydroxylation hasegahvalidity and has been confirmed
by infrared studies [Griffiths and Rochester, 19¥&ckson and Parfitt, 1971; Jones and
Hockey, 1971a, 1971b, 1972; Lewis and Parfitt, 1966nuera and Stone, 1971; Primet

et al., 1971; Rochester, 1986; Suda and Morim®&874a; Yates, 1961]. Although the

! As stated by Boehm (1971) the bonding in Fi& well as in most other metal oxides, is noefyionic.
Therefore, it is valid to speak of OH groups indtedOH ions.
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process is described for the (001) face of anateBgyure 1.1, the model is applicable to

other crystal faces in both anatase and rutile [lBnel971; Henderson, 1996].

Surface

(@) (b) (©

‘ Titaniumion Proton

[
O Lattice oxygen ‘ Oxygen

Figure 1.1. Structure of the anatase (001) face (a) hydrobeg-Burface,
(b) chemiadsorption of water, (c) dissociation @fter to form two distinct hydroxyl
groups; (reproduced from Turchi and Ollis (1990)1 19, Figure 1).

Due to the different coordination environments, $he&ace hydroxyl groups are
expected to show different chemical behavior. Bo€h971) suggested that the doubly-
coordinated surface hydroxyl group has an acidaratter, while the singly-coordinated
OH group is predominantly basic in character ang paaticipate in ligand exchange
reactions with other anions. These differencashemical behavior have been used to
develop experimental procedures that would apmegietd the number of available OH
surface groups.

Van Veen et al. (1985) used a fluoride exchangetigamethod to determine the

number of basic, singly-coordinated OH groups @, sample from Degussa (P25



TiO,»?). They reported a value of 0.14 mmdi @r 1.7 sites nif) and confirmed that the
F exchange is in fact with basic hydroxyl groupsydmy following the infrared spectrum
bands of both types of surface hydroxyl groups.

On the other hand, base adsorption experiments wgee to determine the
number of acidic OH groups in TiPBoehm, 1971; Rodriguez et al., 1996]. From the
adsorption isotherms of KOH on Ti@P25 type) Rodriguez et al. (1996) calculated that
the number of acidic groups available at the serfaas 2.97 xI®mol m? (or 1.79 sites

nm?).

1.1.2. Theprimary charging behavior of TiO,

The mechanism by which the surface charge of titardioxide in contact with
aqueous solution is established is due to a twomtecess: the hydroxylation due to
dissociative water chemisorption followed by simigleization of the surface hydroxyl
groups. The mechanism of the first step was ajreaglained but the effect on the local
effective charge of individual surface species Wdldescribed as follows.

In ionic structures the principle of electroneutyaimplies that the charge of a
cation is compensated by the charge of the surrograthions [Boehm, 1971; Hiemstra
et al., 1989]. According to Pauling’s principleetegree of neutralization of charge can
be expressed per bond. This leads to the definitidormal bond valencev) as the
charge (z) of cation divided by its coordinatiommher (CN). On the surface of TiO
there is a lack of neutralization of charge dumsaturation of the coordination sphere of

Ti* ions. According to Pauling’s electrostatic valemale, to neutralize the charge of

2 The most common commercial brand of Ti®ed in photocatalytic studies is the P25 typmffegussa
Corp.



Ti**ions (z = +4, CN = 8 = +2/3) the singly- and doubly-coordinated anionghe
surface should have the “ideal charges” of -2/3 @8, respectively [Boehm, 1971;
Hiemstra et al., 1989]. The charge -1 of eachhefttydroxide anions formed after
dissociative water chemisorption comes nearerdditteal values” and, therefore, the
hydroxylation brings more stability to the exposedface [Boehm, 1971; Hiemstra et al.,
1989]. From the above it derives that for a prdpmok keeping of charges residual
values must be given to individual surface speftigaed after dissociative water
chemisorption. That is, the singly-coordinatedaee group is designated =&i-OHY?,
while the doubly-coordinated hydroxyl site is depitas=Ti,-OHY** (the latter group

will be shorthanded teOHY*" for convenience) [Hiemstra et al., 1989].

As we already mentioned, the other contributiosudace charge comes from the
proton equilibria between the surface hydroxyl gmoand the contacting solution.
Almost two decades ago, Hiemstra et al. (1989) tdated a multisite complexation
(MUSIC) model that accounted for the proton adsorpteactions of all three types of
surface oxygen groups that may occur on the suda®e),: singly- (Tid"*), doubly-
(Ti,0?*), and triply- (T§O°) coordinated [ Hiemstra et al., 1989; Hiemstra and
Riemsdijk, 1991].

Making use of a combination of crystallographicedand physical chemical
considerations, Hiemstra et al. (1989) predicted #fthough each type of surface group
may adsorb in principle two protons, the affinipnstants associated to the protonation

steps on one type of surface group differ by appnately 14 log K units. This

3 The triply-coordinated oxygen plays no part in digsociative water chemisorption process because th
oxygen is tri-coordinated to the metal ion as dirthe oxygen atoms inside the lattice. Therefirdpes
not have undersaturation.



prediction has the consequence that species subih@id,**** and Tid"® will not be
present at the interface of Ti@ith aqueous solutions [Hiemstra et al., 1989]. |
addition, the protonation of the tri-coordinatedup is not possible in the normal pH
range (log K = 7.5; Hiemstra et al., 1989). Therefthe charging behavior of Ti®

only due to the proton equilibrra

=Ti-OH,?®** o =Ti-OHY¥ + H Ka (1.1)

=OH"®" . =0%* + H Kaz (1.2)

Using the multisite model, Rodriguez et al. (19€&rulated the values of the
intrinsic surface equilibrium constants for DeguB2s TiQ° as pKy = 5.38 and pk, =
7.60. These values of the proton dissociation temrts imply that neutral surface groups
do not exist at the surface [Hiemstra et al., 198%wever, the neutrality condition can
be attained when the surface concentration of hydliigroups with the same residual
charge but opposite in sign are equal. This camdis known as the point of zero charge

(PHzpc = 6.5 for P25 TiQ@ Rodriguez et al., 1996).

1.1.3. Theelectrical double layer
The picture of the solid/water interface of Fi® not complete without describing
the structure of the electrical double layer, whkchematically represented in Figure

1.2.

* According to the nomenclature adopted in this wbek TLOH,**" would be shorthanded tOH,"*".
®H" is the local proton near the TiGurface.

® This commercial brand of Tids commonly used in photocatalytic studies arisl &mployed in this
research.



Go  Os Diffusion layer

Q Surfacehydroxyl group O Water @Anion
‘ Titaniumion @ Cation

Figure 1.2. Schematic representation of the electrical doublger formed at the
TiO,/aqueous interface (reproduced from Bérubé andrdgrB1968), p. 99, Figure 7).

In this idealized planar surface model the surfagiroxyl groups constitute the
plane of surface charge,. Theo,plane is followed by an oriented layer of water
molecules which is normally referred as the Stayet. Bérubé and de Bruyn (1968)
proposed that the surface hydroxyl groups impoderan the surrounding liquid through
hydrogen-bonding and the thickness of this ordstactture of the Stern layer can be

extended by intermolecular hydrogen-bonding ofatisorbed water molecules. This
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view is supported by experimental evidence obtafna infrared [Lewis and Parfitt,
1966; Yates; 1961], gas adsorption [Dawson, 196iindk, 1964], and heats of
adsorption [Hollabaugh and Chessick, 1961] studaigarding the multilayer adsorption
of water on TiQ.

From the above evolves that the opposing ordeonget of the Stern layer and
the bulk solution (or diffuse layer) create a tiaios region characterized by a great
disorganization of the liquid medium [Bérubé andBdeyn, 1968]. It is proposed that
this region is the focal point for the establishingithe electrical double layer and is
pictured as theg plane in Figure 1.2. It is in this plane where Hydrated ions of the
contacting electrolyte solution locate to countéabee the surface charge of BiO
[Bourikas et al., 2001]. Yates et al. (1974) swsgee that this counterbalance effect is
due to the formation of “ion pairs” between thectlelyte ions and the charged surface
hydroxyl groups with the agency of the structurextexr molecules.

According to this approach, the “ion pairs” are sidered as outer sphere
complexes without forming strong chemical bondswlite surface hydroxyl groups
[Bourikas et al., 2001]. Only those ions that mpayticipate in ligand exchange reactions
with the singly coordinated hydroxyl group may peaie the Stern layer and form inner
sphere complexes [Hiemstra et al., 1991]. Bérutokde Bruyn (1968) suggested that
the potential determining ions {Fnd OH) reach thes, plane because they can
hydrogen-bond to the water molecules forming thezrSlayer.

From this basic model of the double layer it desitleat due to the distance
between the two electrostatic planesandog, the TiQ/aqueous interface can be seen as

a plate condenser. The analysis and mathematezdirient of the electrical double layer



as a condenser are given in several publicatiodstamll not be presented here [Boddy,
1965; Danielli et al., 1973; Morrison, 1971].

The model of the electrical double layer descrilbdve in combination with the
multisite complexation model have been used toutatle theoretical values of surface
charge densities of the potential determining @md the potential at thas plane. These
values have shown to be consistent with experinhelata obtained from acid/base
titrations and electrokinetic potential determinat on TiQ suspensions [Hiemstra and

Van Riemsdijk, 1991; Rodriguez et al., 1996; Yateal., 1974].

1.2 Primary events in heterogeneous photocatalysis and formation of hydroxyl
radicals

The initiating event in heterogeneous photocatalgsbcesses is the excitation of
the catalyst by a photoi € 388 nm) with energy equal or greater than the lggupd
energy of TiQ (Eyy [13.2 eV) [De Lasa et al., 2005]. This photoexatagenerates
mobile electrons (gin the conduction band ¢g) and positive holes (hin the valence
band (kg) of the TiQ semiconductor [De Lasa et al., 2005]. Both sge@pidly
migrate to the surface. However, for the photdgtitaprocess to be productive thé h
and é must rapidly participate in charge trapping preessat the Ti@particle surface

before their recombination occurs, as depictedgure 1.3 [Fox and Dulay, 1993].
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Figure 1.3. Schematic photoactivation of a Ti@article followed by carrier trapping
events (A: electron acceptor, D: electron donor; @duction band, VB: valence band,
Egc: band-gap energy (reproduced from Oppenlander32@0 67, Figure 3.17)
Considerable research has been devoted to detethemathways by which
initial trapping of photogenerated holes and etexroccur in TiQ particles and identify
the subsequent reaction products. It is fairlyl @etepted that electrons are trapped at
Ti** sites to form T centers [Howe and Grétzel, 1985, 1987]. Howe@ridzel (1987)
observed that the electron paramagnetic reson&miie)(signal attributed to the
interstitial TF* formed on irradiation in vacuo of a hydrated Ti{@natase) sample was
absent in the EPR spectrum taken when the irratiatas performed in the presence of
oxygen. The results suggested that oxygen furetsma very efficient electron acceptor
(Aagsin Figure 1.3) in photocatalytic systems [Howe &rdtzel, 1987]. Other gas-solid

studies over highly hydroxylated Ti@lso confirm the interaction of,Qvith the



conduction band electrondg) which can be summarized in equation 1.3 and 1.4

[Boonstra and Mutsaers, 1975; Gonzalez-Elipe el@ll9; Munuera et al., 1979].

Ti*" + g - T (1.3)

Ti** + (Qads < (O ads (1.4)

It has been suggested that the process descrilbed alould be similar when the
TiO, catalyst is suspended in an oxygenated agqueouosofHerrman and Pichat,
1980]. In partial support of this view are thediimgs of Howe and Gratzel (1985) who
reported EPR observations of thé T8pecies on irradiation of colloidal Ti@ispersions
in the presence of hole scavengers. Although oxygisiorption studies in the aqueous
phase are not possible, it is reasonable to sutfussif the TF* centers are formed in
aqueous photocatalytic systems then it is likeft #lectrons trapped near the surface of
the TiQ, particle are transferred to nearby @olecules [Gerischer and Heller, 1991].
Therefore, in the absence of any other electromestger dissolved oxygen acts as the
electron acceptor in aqueous Fi€urries.

Far less clear are the charge trapping processésef@hotogenerated holes in
terms of where the hole traps are located in tii® particles. Using EPR spectroscopy
to examine the paramagnetic species produced gdraxylated TiQ (anatase) sample
upon UV irradiation, Howe and Gratzel (1987) pragbghat the hole trap cannot be
located on the surface layer itself but it may be kattice oxide anion immediately below
the surface. Therefore, they described the subsaitiole trap as a (fiO™") radical, in

accordance with other authors [Bahnemann et &8844,® ; Henglein, 1988].

"The (ads) subscript indicates that the speciea@serbed on the TiGsurface.
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Several other investigators suggested that theibdtapped by surface hydroxyl
groups present on the surface of 7&nd, therefore, the initial product of hole tragpis
an adsorbed hydroxyl radical, OJAnpo et al., 1985; Jaeger and Bard, 1979; Rai.et
1992; Turchi and Ollis, 1990]. Lawless et al. (1pSuggested that a Olrhdical
adsorbed at the particle surface is indistinguightbm a hole trapped on a subsurface
oxide anion. These authors used an experimenpabaph that consisted of oxidizing the
hydroxylated TiQ particles suspended in aqueous solution with paldelytically
generated OHradicals in order to yield the “trapped holesg (ithe adsorbed GHon
the surface. Lawless et al. (1991) studied thergti®n characteristics of the product of
such reaction and observed a broad band centeadxbat 350 nm. Their observation
was in close agreement with the spectral featurea hole trapped on a subsurface oxide
anion as reported by Bahnemann and co-workers [@ahnn et al., 1984a].

Based on these findings, the following resonaneettre between the OH
radical formed by hole trapping in a surface hygtaxoup and the hole trapped in a

lattice oxide anion was propos&d
{Ti -0 Ti*}-OH" o {Ti*-0"-Ti*}-OH} (1.5)

As can be inferred from equation 1.5, there isewv@iting view that the hydroxyl
group acting as the hole trap is the terminal mglgicoordinated hydroxyl group due to

its higher electron density [Micic et al., 1993;jRat al., 1992]. According to this view,

8 The notation used in Equation 1.5 considers traQH radical is formed by trapping of a hole in a
surface hydroxyl anion. This notation consideestibnding in TiQ as purely ionic, although evidence for
a covalent contribution is known [Parfitt, 1976@]herefore, the residual charges assigned to surface
hydroxyl groups as presented by the MUSIC modeh{uBauling’s rule) are not given. Unification of
respective notations is lacking, hence they ard ugerchangeably in the literature.
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the formation of hydroxyl radicals under basic awcdlic pH conditions occurs according

to Equations 1.6 and 1.7, respective[galvador, 2007].

=Tis"~OH + h* - =Tig"-OH (1.6)

=Tis"—OH, + K" - =Ti"-OH + Hy (1.7)

However, a number of researchers claim that thpothesis is a misconception in
TiO, photocatalysis [Monllor-Satoca, 2007; Salvadof7J0 From the analysis of the
electronic structure of adsorbed water onsJi®alvador (2007) stated that hydroxyl
groups specifically adsorbed on terminal (surfadé&) ions cannot be photooxidized with
free holes photogenerated under UV supra-bandrgagiation (lv = 3.0 eV). Therefore,
the authors proposed that the only surface hoteisréhe surface hydroxyl group
associated with the ©terminal ion. Salvador (2007) explained thawjmes
experimental evidence concerning the trapped ot subsurface (T+O™") radical
should be reinterpreted as being associated t@ h@pped at the bridging surface
hydroxyl group. In a fashion similar to the prewsdwpothesis, this hydroxyl group can
trap the photoproduced hole in its deprotonateatatonated form as depicted in

Equations 1.8 and 1.9, respectivElySalvador, 2007].

EOSZ' + h" - =05 (1.8)

=02 + Ha + B - =OHS (1.9)

° This notation assumes that the bonding in,Tigpurely ionic. H indicates the free hole. The subscripts
(s) and (aq) mean surficial ions and aqueous spe@spectively.

9The product of hole trapping in Equation 1.8 is¢bejugate base of the hydroxyl radical, the oxide
radical anion.
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1.3 Pathways of degradation in heter ogeneous photocatalysis

The TiG-mediated photocatalytic oxidation of organic comnpds in aqueous
solution takes place through two mechanisms ofrfextel hole transfer: direct and
indirect.

The interfacial direct transfer mechanism occurenvtine free holes reach the
surface and are trapped by an organic solute spabtjfadsorbed on the Tiurface. |If
the sorptive interactions of the organic substvatk the TiG, surface involve inner-
sphere coordination with the underlying metal i, surface complex can sustain a
direct charge transfer [Mao et al., 1991; Regazebai., 1998; Sakata et al., 1984; Sun
and Pignatello, 1995; Tunesi and Anderson, 199ida@ic compounds capable of such
strong interaction are those possessing ligandrdgnoaips (e.g., carboxylic, hydroxyl, or
amino groups) and the stereochemical configurdddorm rings in their chelate
complexes with the catalyst surface. The ligarmigs in these molecules can displace
the OH from a titanium center (i.e., the singly-coordetsurface hydroxyl group)
[Regazzoni et al., 1998; Rodriguez et al., 1996n&et al., 1993; Vasudevan and Stone,
1996]. Photooxidation through direct electron $fan has been suggested for salicylic
acid [Regazzoni et al., 1998; Tunesi and Ander$68;] and 2,4-dichlorophenoxyacetic
acid [Sun and Pignatello, 1995]. The ability of ttarboxylate group of these
compounds to directly coordinate td'Tions facilitates the reaction. As an example,
Regazzoni et al. (1998) proposed the followingdaewe surface complexation equilibria

between salicylic acid and the TiGurface.
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I @i\oH = =T|\O + HO* (1.10)
OH

1 213-
? =0 t°
_ oH (1.112)
2=Ti-OH- 4 o =Ti— + 2H,0
OH

On the other hand, the interfacial indirect transfiechanism takes place via a

surface-bound OHadical (or its conjugate base) and a substratieet$tablishes a weak
electronic interaction with the surface (i.e., otgphere forces). In this reaction model
the hydroxyl radicals are considered as surfagp@d holes, hence the name indirect
transfer [Monllor-Satoca et al., 2007]. For th&hway, the adsorbed hydroxyl radical
behaves like its free counterpart in that they tienabstract hydrogen atoms or add to
aromatic rings or double bonds in their reactioits wrganic compounds [Oppenlander,
2003; Sun and Pignatello, 1995]. A photodegradatiechanism through adsorbed
hydroxyl radicals has been proposed for aliphagarbcarbons [Izumi et al., 1980],
halogenated hydrocarbons [Kormann et al., 1991]aaathatic compounds like phenol
[Okamoto et al., 1985; Tunesi and Anderson, 198l 4chlorophenol [Tunesi and

Anderson, 1991].

1.4 Adsorption and degradation pathways of isopropanol and acetonein TiO;
photocatalytic systems
A combination of adsorption isotherms, infraredcpescopy, temperature

programmed desorption and gas chromatographic methave been used to study the
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adsorption of acetone and isopropanol in solidgyasems employing both
dehydroxylated and hydroxylated Ti®urfaces [Bickley et al., 1973; Coronado et al.,
2003; El-Maazawi et al., 2000; Henderson, 2004, Ktral., 1988; Munuera and Stone,
1971; Xu et al., 2003]. It has been demonstratatidcetone and isopropanol can be
molecularly adsorbed in fully dehydroxylated pi€urfaces. These adsorption modes
occur through the formation of coordinate bond$\Wit* ions by utilizing the free
electron pairs of the oxygen atoms in their regpedtinctional groups [Bickley et al.,
1973; Coronado et al., 2003; ElI-Maazawi et al.,@0fenderson, 2004; Kim et al., 1988;
Munuera and Stone, 1971; Xu et al., 2003]. Thesermtion modes are shown in Figure
1.4. (a, b).

On the other hand, on partially hydroxylateédiO. surfaces reversible
physisorption of these two substrates also tak&asephnd occurs by hydrogen-bonding
with surface hydroxyl groups [Bickley et al., 19'N8unuera and Stone, 1971]. This
mode of adsorption has also been reported for atlifgratic alcohols such as methanol,
ethanol, and 1-propanol in T#@as studies [Hollabaugh and Chessick, 1961; Sudk, e
1987b]. Although it has been observed from inflsstidies that after adsorption of the
alcohol vapor on the hydroxylated surface the gugor band due to free surface OH
groups diminishes remarkably or completely disappfauda et al., 1987b], little has
been said about specific structures for this bapdi@nly Munuera and Stone (1971)
proposed possible structures for the hydrogen-lognoli acetone and isopropanol in a
partially hydroxylated Ti@surface involving the doubly coordinated OH grodjhese

are presented in Figure 1.4 (c,d).

1 A partially hydroxylated Ti@surface consists of isolated 5-coordinatet! ibins, isolated ®ions and
both types of surface hydroxyl groups.
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Figure 1.4. Proposed adsorption modes of acetone and isoprbparzopartially
hydroxylated TiQ surface (reproduced from Munuera and Stone (19/P13)

Contrary to thebservations in solid/gas studies, in aqueous ntbd
chemisorption of isopropanol and acetone shoulddggigible. In Ti(;/aqueous
systems, isopropanol and acetone do not favoraishpete with water for chemisorptit
to the TiQ surface. Therefor@alkoxyde complexe¥ (=Ti-OR) or molecularly adsorbe
species coordinated to the*" ions that have been observed at the,Kj@seous interfac
are completely absent in T,/aqueous systems. Mandelbaunale (1999) reported th:
no single feature thabald reveal alcohol chemisorption on “; has been detected
ATR-FTIR. In addition, it is known from relative adption strength studies in To/gas
systems thiaisopropanol does not displi the coordinatively adsorbed water and 1
water has the ability to dislodge acetone fronTi** adsorption center [Bickley et a
1973; Munuera and Stone, 19°

In the light of the above, isopropanol and acetamenot expected to strong
bind to the TiQ surface in contact with their aqueous solutiondlgfoadsorption mode

(a) and (b) as shown in Figure 1.4. Similarlyhe TiC,/gas studies on full

2 The alkoxyde complex is formed by dissociative cisamption of an alcohol. In a similar fashion
chemisorption of water, the moularly adsorbed alcohol can dissociated to prodatk a surfac
alkoxyde €Ti-OR) and a surface hydroxyl group [Suda et al., 1¢
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prehydroxylated surfaces [Suda et al, 1987], inatipgeous media isopropanol ¢
acetone exclugely adsorb through hydrog-bonding to the primary layer of OH grou
formed by dissociative water chemisorption on ti@, surface.

Since it is known that at least two types of sugfagdroxyl groups exist on
hydroxylated TiQ surface and that theundergo proton equilibria reactions [Boel
1971; Hiemstra andan Riemsdijl, 1989], adsorption modes involving the sir- and
doublecoordinated OH groups in their protonated and depaded forms could k

envisaged. Some structures may be propose are given irFigure 1.

CH, CH
M v - o
=Ti—O O—CH —O—H--O0—CH
H AN | AN
CH, CH,
@) (b)
S P =0—H_ CHs
: " f— N
H CH, —O—H CH,
(c) (d)

Figure 1.5. Possible hydroge-bonding structures of isopropanol and acetone e,
surface in contact with their aqueous solt (this work).

Since the adsorption of isopropanol and acetoneimayve an outer sphe
interaction with the Ti@surface through formation of hydrogeonds with surfac
hydroxyl groups, it is reasonable to suggest theait degradation pathway
TiO,/aqueous systems occur via indirect electron teansith adsorbed hydrox

17



radicals. Several authors have proposed the schémmepropanol photooxidation and it
is summarized in Figure 1.6 [Cundall et al., 1916érvey et al., 1983; Sakaguchi et al.,
2006; Ohko et al., 1997; Yamagata et al., 1988].

In this scheme, the photogenerated’ @dlical on the Ti@surface initiates the
degradation reaction by abstracting a hydrogen &tom isopropanol. In a pulse
radiolytic study of the site of OHadical attack on aliphatic alcohols in aqueousti&m,
Asmus et al. (1973) determined that abstractiom loydrogen atom from thee-position
seems in general to be preferred. Therefore nitialistep of isopropanol decomposition
yields ana-alcohol radical (1-hydroxyl-1-methylethyl radic#iiat can decompose to
acetone through three pathways [Ohko et al., 188Kaguchi et al, 2006]: (1) liberation
of a proton and electron transfer to the condudbamnd of TiQ (pathway 1), a process
known as current-doubling reactidil(2) reaction with molecular oxygen to produce an
unstable peroxo radical, the 1-hydroxy-1-methylethgxyl radical (pathway Il), and (3)
reaction with hydroperoxyl (H£) radical which can be formed through pathway Il or
through the protonation of the superoxide anioncaddbtained in Equation 1.4 O +
H* < HO,, pKa=5; Brinkley and Engel, 1998). These pathwaydegfradation have
been proposed based on experimental evidence efithinpulse radiolysis, spin
trapping, photocurrent measurement, and produdysiedllan et al., 1976; Mandelbaum

et al., 1999; Miyake et al., 1976; Yamagata et1£88].

13 The whole current doubling reaction consists at the alcohol donates two electrons to the
semiconductor. One electron is donated to theneal®and and the resultant radical with high edectr
potential injects another electron into the coniducband. In the case of isopropanol the firstieds
transfer occurs through the indirect process innglthe hydroxyl radical [Mandelbaum et al., 1999;
Yamagata et al., 1988]
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Figure 1.6. Reaction mechanism of isopropanol photooxidatioillominated TiQ
(partially reproduced from Yamagata et al. (19833433, Figure 5).

For acetone, on the other hand, the following ieactcheme is consistent with
observations from gas and ion chromatographic stualn its degradation through
hydroxyl radicals produced by photolysis of hydnogeroxide in agueous solution
[Stefan et al., 1996]. Since adsorbed hydroxyicald are believed to behave like its free
counterpart [Sun and Pignatello, 1995] this reacticheme may be applicable to
UV/TiO, systems.

In a similar fashion to the case of isopropandd, lilgdroxyl radical initiates the
decomposition of acetone by hydrogen abstractiguéion 1.12).

OH + CHCOCH; - 'CH,COCH; + H,O (1.12)

The acetonyl radical formed in Equation 1.12 readts molecular oxygen

resulting in the production of a peroxyl radical.

‘CH,COCH; + O, - "OOCH,COCH; (1.13)
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The acetonylperoxyl radical can react by one of tetrdes. One route is a

radical-radical reaction (Equation 1.14) followedd{3-scission (Equation 1.15).

2 'O0CHCOCH; - 2'OCH,COCH; + O, (1.14)

"OCH,COCH; - HCHO +°'COCH; (1.15)

The acetyl radical from Equation 1.15 can dissecfgjuation 1.16) or react with

oxygen (Equation 1.18). This route generates ftaeteyde and acetic acid.

"COCH; — CO + CH' (1.16)

CHs + O, - CHOO (1.17)

"COCH;+ O, — "OOCOCH, (1.18)

CH;00 + ‘OOCOCH — HCHO + CHCOOH + Q (1.19)

The second alternative route of the acetonylpercagical is a six-membered
atom rearrangement followed byescission (Equation 1.20). Further reaction of the

products thus formed generates acetic acid anddaand (Equations 1.21 and 1.22).

"*00CH,COCH; — [HOOCH,COCH,] — *CH,00H + CHCO (1.20)
CH,CO + HO - CH;COOH (1.21)
‘CH,OOH+ O, -~ HCOOH+ HO, (1.22)

1.5 Motivation and objectives of thisresearch

The photocatalytic oxidation of small polar orgaomnpounds (SPOC) like
isopropanol and acetone by UV-illuminated Ti@s been more widely studied in the
gas/solid [Bickley et al., 1973; Bickley and Jayarit974; Brinkley and Engel, 1998;
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Chang et al., 2004; Coronado et al., 2003a, b; @gham and Hodnett, 1981; El-
Maazawi et al., 2000; Hager and Bauer, 1999; Hexwter2004; Kozlov et al., 2003;
Larson et al., 1995; Ohko et al., 1997; Peral alig,992; Xu and Raftery, 2001a,b;

Xu et al., 2003] than in the liquid/solid interfa€@undall et al., 1976; Cunningham and
Srijaranai, 198; Harvey et al., 1983; Kado et2001; Mandelbaum et al., 1999; Miyake
et al, 1976; Sakaguchi et al., 2006; Yamagata. £1888]. This is probably due to the
fact that they are major contaminants in indoolan air streams. However, their
presence in water, even at low concentrationds@saconcern and their removal to
acceptable levels has already been reported aallarge in an advanced water recovery
system developed by NASA [Verostko et al., 2000]. Therefore, a better usding
on the TiQ-mediated photocatalytic oxidation of SPOC (egppropanol and acetone) is
necessary if the ultimate goal is to apply thisnpging technique for the final polishing
of waste- and graywater in order to attain hygiané drinking water standards.

The research that has been devoted to the stuthe ghotocatalytic
decomposition of isopropanol in liquid systems exsato several aspects. Some of the
studies in aqueous T¥3uspensions of isopropanol have focused on elticgithe
mechanisms underlying the photodegradation reapi@dmvays in agueous medium
[Cunningham and Srijaranai, 1988; Mandelbaum etl8R9; Miyake et al., 1976;
Yamagata et al., 1988]. The knowledge gained filuese studies promoted the use of
photoinduced oxidation of isopropanol as a testtrea to determine the efficiency of
different TiG, preparations or photocatalytic reaction systeneggda et al., 1999;
Villacres et al., 2003; Yamashita et al., 1998pwdver, there is a lack of bench-scale

studies on the effect of practical parameters énpihotodecomposition of isopropanol

14 National Aeronautics and Space Administration.
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and acetone [Kado et al., 2001; Sakaguchi et @D6Pthat may contribute to the
development of effective wastewater treatment dgri once this technique is
translated to larger industrial or commercial sinés.

It is interesting that the published literature ko mention of what interactions
play roles in the adsorption of isopropanol and@ue in TiQ/aqueous systems. Some
authors, for example, have suggested that sinagueous media alcohols do not
chemisorb to the catalyst surface the reaction &etvthis type of substrate and the
hydroxyl radicals takes place within the thin iféeral layer vicinal to the surface
[Cunningham and Srijaranai, 1988; Mandelbaum efl8P9]. However, nothing has
been said about the role that hydrogen-bondingaot®ns may play on the
photocatalytic degradation of isopropanol and xislation product, acetone, in agueous
systems.

The fact that these compounds do not strongly tortie TiQ surface in contact
with their aqueous solution by coordination to Th& ions does not preclude that their
adsorption may take place on the layer of surfackedxyl groups formed after water
chemisorption. From studies on Ti@as systems it is known that some extent of
physical adsorption of isopropanol and other alt®toough hydrogen-bonding with
surface OH groups occurs in pre-hydroxylated;ls@mples [Hollabaugh and Chessick,
1961; Munuera and Stone, 1971; Suda et al., 198fgrefore, in the case of Ti@h
contact with an aqueous solution (and in the alssehany strongly bound species) a
fully hydroxylated surface can be envisaged anddwyeh-bonding between isopropanol

and the surface hydroxyl groups may be regardeldeasnly possible adsorption mode.
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Although no studies of this kind have been doneatmtone, a similar interaction can be
suggested since this substrate has hydrogen accaptabilities.

In this dissertation research we undertake a systerstudy on the photocatalytic
degradation of small polar organic compounds tbatat readily adsorb to the TiO
catalyst but bear hydrogen-bonding capabilitiesmcé&numerical scales for solute
hydrogen-bond acidityo(") and hydrogen-bond basicit§) were constructed and
published in the literature [Abraham, 1993], teandp" indexes will be used to
analyze the photocatalytic degradation behavia@unfmodel compounds based on their
abilities to donate or accept a proton in a hydnelgend.

We will make use of the effects of typical watergmaeters (pH,
carbonate/bicarbonate alkalinity, and ionic strahgh the surface hydroxyl speciation
and their acid/base equilibria to elucidate thespae role of hydrogen-bonding
interactions in the degradation of those model caumgs in TiQ photocatalytic systems.
Each water parameter will be the focus of a sepanapter. Kinetic data corresponding
to the photodegradation of SPOC will be interpreiadhe grounds of the multisite
(MUSIC) model of the Ti@surface speciation which accounts for the presehteo
types of surface hydroxyl groups possessing diffieBednsted acid/base properties. This
surface speciation model has not been appliedetintrpretation of kinetic data
describing the degradation of model compounds adspby outer-sphere interactions.

Throughout these studies, isopropanol and acetdhbeithe two SPOC selected
as model substrates. However, in Chapter 4 wefuvither test our hydrogen-bonding

hypothesis by adding a third test compound (dimsthfpxide) in order to explore the

23



possibility of constructing a ranking of Ti®nediated photocatalytic degradation based
on hydrogen-bonding empirical parameters andp").

The general goal of this research is to study,attarize and model the
photocatalytic degradation of SPOC as a functiotyptal water parameters in order to
provide base case conditions that may translabeaintefficient photocatalytic method for
a final water polishing step. Similarly, we aimfitad experimental evidence that may
indicate the important role that hydrogen-bondimgtiactions may play in their
photooxidation at the catalyst surface. A bettetarstanding of this important piece of
the mechanistic aspects of SPOC photodegradatigriead to better treatability
strategies for the abatement of these compounesalwaste- and graywater by the use

of UV/TiO, photocatalysis.
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CHAPTER 2
Effect of pH on the photocatalytic degradation of acetone and

isopropanol in aqueous suspensions of titanium dioxide

2.1. Introduction

It is well documented that two types of hydroxybgps exist on the surface of
TiO, when the oxide is in contact with aqueous solutibe singly-coordinated or
terminal OH group<Ti-OHY*) and the doubly-coordinated or bridging OH group
(=OHY*") [Boehm, 1971; Hiemstra et al., 1989a, 1989b, Hiteanand Van Riemsdijk,
1991; Rodriguez et al., 1996].

According to the multisite proton adsorption modegliof the TiQ/solution
interface each hydroxyl group has its corresponditrinsic proton dissociation constant
and, therefore, the pH of the aqueous medium hadfact in the surface speciation and
the resulting charging behavior of the oxide swfadhe surface equilibria of theTi-
OHY® and=OH"** hydroxyl groups and their corresponding.pialues (for Degussa

P25 TiQ) *° are given in Equations 2.1 and 2.2 as reportelddririguez et al. (1996).

=Ti-OH,?®" o =Ti-OH¥® + H pKa1 = 5.38 (2.1)

=OH"®" . =07 + H pKa2= 7.60 (2.2)

Rodriguez et al. (1996) were able to calculatestivéace site distribution as a

function of solution pH using experimental dataaofd from acid/base titrations and

5 Degussa P25 TiQwas used in this study and therefore the yues calculated for this commercial
brand are adopted in our analysis.
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electrophoretic mobility of Ti@suspensions, and a fitting model based on a ¢é¢sari
of the electrical double layer. Their results segjgd that since chemisorption of water
on the TiQ surface imposes the constraing k K, the OH-surface group*—sTi-OHm'
and=OH®* (that is, the surface groups with the smallestites charge numbers)
prevail at pH values above and below thegabif TiO, (pH,pc = 6.50, Rodriguez et al.,
1996), respectively. The fractions=®Ffi-OH,2>* and=0?* contributing to the net
surface charge are smaller and they only becomeriiaamt under the effect of ionic
strength.

The surface charge is not the only surface phenomgrat involves these
reactive hydroxyl groups and that is affected eyphl of the aqueous solution. The
production of hydroxyl radicals (OH which are strong oxidizing species capable of
attacking many organic pollutants, are formed hpping of photogenerated holes)(im
surface hydroxyl groups. Currently, there is reaclconsensus on what surface site is
involved in producing surface hydroxyl radicalseride the htrapping reactions for
either=Ti-OHY® or=0OH** at both acidic and basic pH have been suggested (s
Equations 1.6 - 1.9) [Salvador, 2007]. Howevedgmendently of which surface
hydroxyl group acts as hole trap, it is reason&bkuggest that holes react faster with
negatively charged surface groups [Sun and Pidoaf€l95]. Therefore, surface
hydroxyl radicals would be formed at a higher iateeutral and, especially, at alkaline
media [Riegel and Bolton, 1995].

To date, a large number of studies have focuseti@affect of aqueous medium
pH on the adsorption and Ti@hotocatalytic decomposition of organic compoulthas

strongly interact with the oxidurface. This strong interaction occurs by fororatf
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chelate structures with the surfac&™lhich leads to the displacement of the singly-
coordinated OH group [Piscopo et al., 2001; Regaizebal., 1998; Rodriguez et al.,
1996; Sun and Pignatello, 1995; Tunesi and Anders®®l; Vasudevan and Stone,
1996]. Generally these substrates are aromatic congs possessing ligand donor
groups (e.g., carboxylic, hydroxyl, or amino grouasd the stereochemical
configuration to form rings in their chelate cony#de. Correlations between the
molecular form (protonated or deprotonated) presesotlution and the parallel effect of
pH on the TiQ surface phenomena have been successful in exglaiesults for these
types of compounds [Piscopo et al., 2001; Tunedifrderson, 1991]. Specifically,
when the functional group becomes charged with gisim solution pH, higher
adsorption of the substrate is observed at theitons where electrostatic interactions
between the Ti@surface and adsorbate are favorable. Consequérglhigher the
adsorption (chemisorption by displacement of s@f@él groups) the higher the
degradation rate once the sample is illuminateat. ekample, Piscopo et al. (2001)
observed that the adsorption and degradation caistant ofpara-hydroxybenzoic acid
(4-HBZ) were at their maximum in the pH range 43%he adsorption occurred via
formation of surface carboxylate species favorethieyelectrostatic attraction between
the ion form of 4-HBZ (pK = 4.48) and the positively charged Ti€urface (reported
pHzpc Was 6.3, Piscopo et al., 2001). At pH values &ighan the pkj, the degradation
rate for 4-HBZ decreased with increasing pH duhéorepulsive forces created by the
change in the Ti@net surface charge to negative. A similar obgewand analysis

were made by Tunesi and Anderson (1991) for thégaezomposition rate of salicylic
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acid (pks = 2.9) studied at pH 4.0, 7.5, and 9.5. The fastegradation was obtained at
pH 4.0, followed by a gradual decrease up to pH 9.5

For these types of organic compounds, capablenefrisphere interactions (i.e.,
chemisorption) with the Ti@surface, the strong pH dependence of reactios rai@so
attributed to the change in the reaction pathwaythkes place under conditions of
different acidity. It has been suggested, for gxanthat with changes in pH the route of
degradation shifts from direct reaction with photxfuced holes at conditions where
chemisorption to the Tigsurface occurs, to reaction with hydroxyl radidals., indirect
transfer) at conditions where the interaction betwihe substrate and photocatalyst is
weak due to electrostatic repulsion. Direct trangfiechanism is considered to be more
efficient than the reaction with Ohadicals, hence the strong observed trends with
solution pH for this particular class of compounsSun and Pignatello (1995) referred
to this shift in reaction mechanism as a dual matkeal mechanism controlling the
photodegradation of the substrate.

Less attention has been paid to the photocatalgiicadation in aqueous phase of
other important classes of water pollutants thmatantrast to the previous examples, do
not posses any ionic functional group. Accordim@ur literature review, only a few
studies have been dedicated to the effect of paldactors in the aqueous HO
photooxidation of small polar organic compounds@E such as aliphatic alcohols and
ketones [Abdullah et al., 1990; Chavadej et al0®@hen et al., 1999; Cundall et al.,
1976, Harvey et al., 1983, Kado et al., 2001; Sakhget al., 2006]. In the case of

aliphatic alcohols, the effect of solution pH oritrphotocatalytic degradation has been

1% For titanium dioxide, it has not been establishé@wmechanism is prominent over which pH region
[Sun and Pignatello, 1995].
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mostly studied on platinized TdPt/TiO,) [Chavadej et al., 2008; Chen et al., 1999]
rather than on native TgQAbdullah et al., 1990]. To the best of our kneddye, there is
only one study by Abdullah et al. (1990) concerrimg effect of pH on the
photodecomposition of isopropanol and ethanol imeags solution using native TiO
(Degussa P25 type). These authors studied the shtiecomposition of these aliphatic
alcohols by following their C@production over time within the pH range of 2R5.
Abdullah et al. (1990) observed that the maximuta od isopropanol oxidation was
above pH 3.4, while for ethanol a maximum in the & degradation occurred between
pH 2.8 and 3.6 and then it decreased at higherghttes. Abdullah et al. (1990)
considered their observations for ethanol as urggdeand explained that their values
are most likely related to a pH-dependent effedth@ndecomposition of secondary
oxidation products from the alcohol rather tharHagffect on the primary processes. In
light of the above, it is clear that more studiasative TiQ are necessary to have a
better understanding of the photodegradation peasesf aliphatic alcohols and other
SPOC under the effect of water parameters sucblason pH, especially if full
advantage of other types of catalyst preparatioas Pt/TiQ) is to be obtained. In
addition, these studies should investigate infags of decomposition of SPOC by
following the consumption of the parent compoundrduthe UV/TIQ, treatment of the
aqueous suspension to avoid the confusing efféaigidation byproducts.

The less attention given to the aqueous,Ip@otocatalytic decomposition of
SPOC is probably due, first, to the fact that theg considered important air pollutants,
hence they are mostly studied in gas-solid sys{@m&ley et al., 1973; Bickley and

Jayanty, 1974; Brinkley and Engel, 1998; Chand.e2@04; Coronato et al., 2003a,
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2003b; Cunningham and Hodnett, 1981; El-Maazawl.eR000; Hager and Bauer,
1999; Henderson, 2004; Kim et al., 1988; Kim and&zu, 1990; Larson et al., 1995;
Munuera and Stone, 1971; Nimlos et al., 1996; Qétkal., 1997, Peral and Ollis, 1992;
Rekoske and Barteau, 1997; Suda et al., 1987; HRaftery, 2001a, 2001b; Xu et al.,
2003], and second, small alcohols are mainly canseitifree OHradical scavengers that
do not interfere with direct interfacial interacgt®of other species occurring in the 7iO
in contact with their aqueous solution [Mrowetz &wlli, 2005; Sun and Pignatello,
1995; Tunesi and Anderson, 1991].

It is known that short aliphatic alcohols and ket®ao not favorably compete
with water for chemisorption to the TiQurface [Bickley et al., 1973; Mandelbaum et
al., 1999; Munuera and Stone, 1971]. Thereforeemthese type of SPOC are added as
probe molecules to aqueous Fighotocatalytic systems containing chemisorbedrioga
species it is expected that they will not quenehdbgradation rates of the primary
substrate degrading through direct interaction witbtoproduced holes, as it has been
reported by other authors [Sun and Pignatello, 1998esi and Anderson, 1991].
However, this lack of inhibition does not mean t8ROC such as isopropanol and
acetone are unable to adsorb and degrade on thestiiface.

If small polar organic compounds such as acetodasopropanol are not
expected to strongly bind to the TiGurface in contact with their aqueous solutioenth
their adsorption is more likely to occur on thedagf surface hydroxyl groups formed by
water chemisorption through a weaker form of inteom (i.e., hydrogen-bonding).
Hydrogen-bonding to the surface hydroxyl groupsdiesady been observed for acetone

and aliphatic alcohols in Tiyas phase studies using pre-hydroxylated oxidgkesm
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[Hollabaugh and Chessick, 1961; Munuera and Stb®é]; Suda et al., 1987] and,
therefore, it is reasonable to suggest that thisr@phere interaction would take place on
the surface of the Tigparticles suspended in their aqueous solution.d¥ew to the

best of our knowledge, no study has been conduoctddtermine the possible key role
that hydrogen-bonding capacities of these two camgs could play on their adsorption
and subsequent degradation in F&Queous systems.

In this chapter, the role played by pH and theast@fphenomena in determining
the photodegradation kinetics for two SPOC, acetmkisopropanol, is investigated.
We hypothesize that the maximum in the rate of adgpion for each of these compounds
will occur at conditions where the surface specrapresent at a given pH is optimal for
both the hydrogen-bonding of the model substratetia@ production of hydroxyl
radicals. Since hydroxyl radical production istiegin neutral and, especially, at
alkaline media the fastest degradation rates ofreadel compounds would occur within
a neutral to alkaline pH range.

In order to evaluate our hypothesis the analysth@kinetic data will be done on
the basis of hydrogen-bonding capacities of oussates’ and the effect of pH on the
surface hydroxyl group speciation according to dtisite (MUSIC) model of the Ti@
surface, which have already been reported in tamture. This type of analysis has
been lacking in the interpretation of photocataly&sults obtained for organic
compounds that may adsorb to the Fg0rface through outer sphere interactions.

Although our model compounds are not strongly daswispecies, it would be
interesting to obtain insight on any possible tokt surface phenomena may play on

their TiO,Jaqueous photocatalytic degradation which wouldlehge the widespread

" Quantified in the form of empirical hydrogen-bomgliparameters as reported by Abraham (1993).
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conception that they do not compete for surfassihd merely degrade via free
hydroxyl radicals in the bulk solution.
2.2. Experimental Section
2.2.1. Materials

In all experiments, titanium dioxide (T#PDegussa P25 was used as the
photocatalyst without modification (lot No. 2047EB surface area = 5915 nfg™,
average particle size = 21 nm, Degussa Corporatisopropanol (ISP), ((ChH-CHOH),
and acetone (ACE), ((GHCO), were purchased from Aldrich. These commercial
materials were of 98% purity or higher, and usetkasived. NaOH (97% purity) and
HNO;3 (90% purity) were obtained from Fisher Scientdiad used for pH adjustment of
the reaction suspensions. Nanopure water (1&1ck) from an Infinity™ ultrapure

purification system (model D8961, Barnstead) walusr preparation of all solutions.

2.2.2. Photooxidation apparatus

The photooxidation apparatus (Figure 2.1) consisted450 W medium pressure
mercury-vapor lamp (Ace Glass, Cat. 7825-34) pmséd within a double-walled quartz
immersion well (Ace Glass, Cat. 7874-35) with irdet outlet water lines. The
photochemical lamp was plugged to a 450 W poweplyu@\ce Glass, Cat. 7830-60). A
water-flo power cut-off (Ace Glass, Cat. 2162-14swsed for safety in the event of a
water or main power failure. The cooling watekgtovas used to remove some of the
lamp heat and maintained a temperature between®2&C inside the steel bench

cabinet (measures: 89 cm high x 92 cm wide x 6th%leep) where the photochemical
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reaction equipment was operated. A cooling fan laeated on top of the lamp housing
for air movement.

The reaction solution (20 mL) was contained in indyical cap-sealed quartz
reaction vessel (Ace Glass, Cat. D116912, 25 mhaaap 10 cm long x 22 mm O.D;
screw cap with ¥4" hole, thread GL25). The screwwas fitted with a PTFE/silicone
rubber septum (VWR, Cat. 66010-751). During thetpbatalytic reaction the quartz
reaction vessel was placed in a motor-driven nogestirrer (Scientific Industries, Inc.,
Cat. 3-163-404) and directly exposed to the lanips €xperimental setup permitted
simultaneous irradiation of several reaction vessel

Water-flo cut-of f Topower source

UV power supply ——>|

<— Immersion well
Rotating stirrer ———>

UV lamp

Figure2.1. Experimental setup for photocatalytic reactortfply reproduced from Ace
Glass, catalog 0309 (2008), p.15).

A periodic check of the voltage and lamp currens warformed by conducting

parallel and serial tests with a digital multimet@ihe calculated power output was used
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to ensure consistent photointensity of the lamyr tive course of our photocatalytic
studies. If the output decreased 10% of the inraéue the attenuated lamp was

replaced.

2.2.3. Sample preparation and photocatal ytic experiment

The reaction samples were prepared by suspendibg2diO, powder in 20
mL of freshly prepared aqueous solution of isopnmgbar acetone. Preliminary
experiments® where different quantities of Ti0.3 to 3.0 g/L) were used to degrade
isopropanol and acetone (100 ppm) showed thatgtimmom catalyst concentration to be
used is 2 g/L based on rate constant calculatiélh®prsi and Nanny, 2004]. Therefore,
a TiO, concentration of 2 g/L was maintained in all fertlexperiments. All solutions
were prepared in duplicate.

Initial concentrations of our model compounds ia sturries ranged between
1.56x10° and 1.64x18 M. These values were selected in order to sirauigtical
concentrations of both compounds in wastewater{st®v), yet high enough to give a
good signal to noise ratio in the gas chromatogeygeriments during the irradiation
times used in our studies. Concentrations of caleghcompounds in wastewater
treatment plants [Liu et al., 2004] and water rexg\systems [Verostko et al., 2004] are
reported as: acetone, (13368.1 — 6032810 and 2370Qug/L, respectively;
isopropanol, (1148.25 — 938.81y/L and 3297ug/L, respectively.

The pH values of the suspensions were measurechwditital pH meter (Orion
PerpHect, model 350, Fisher Scientific, Cat. 13-629) and a needle combination pH

microelectrode (Microelectrodes, Inc., Cat. MI-4)4B he pH was adjusted to the

18 These experiments were performed in 2003 by TatddEsi, Ph.D.
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desired value by additions of NaOH or HNG@sing a 1QuL microsyringe (Shimadzu,
Cat. 221-34618-00). The suspensions were placteeidark, shielded with aluminum
foil and allowed to equilibrate overnight at®)

After irradiation at regular time intervals, sangfer analysis were withdrawn
with a syringe (Perfektum Micro-mate interchangeatyringe, luer-lock tip, 2 mL,
Fisher Scientific, Cat. 14-825-1A) and filtereddhgh a 0.Jum nylon membrane
(Osmonics Inc., Fisher Scientific, Cat. RO1SP013@@d in a 13mm-filter holder
(Millipore, Fisher Scientific, Cat. XX3001200). Tl#érate was transferred to two
autosampler vials containing fixed 100 glass inserts (VWR, Cat. 66065-262) which
were capped (open-top cap, 8-425 screw thread,8nmim PTFE/silicone septa, VWR,
Cat. 66030-420), and stored in the dark &ClOntil gas chromatographic analysis (each
vial was injected once).

Dissolved oxygen (DO) in the suspensions was notrolbed, but monitoring of
its concentration before and after irradiationhef samples showed that it was still
present at the maximum irradiation time selectesligiain the photocatalysis reaction.
DO was measured using a fiber optic oxygen sernystes equipped with a
spectrofluorometer (Ocean Optics, Cat. USB4000-6Q}4a pulsed blue LED light
source (Ocean Optics , Cat. USB-LS-450) and theSB@8ors software (Ocean Optics).
A 18-gauge needle probe containing the 300-micitmer foxygen sensor (Ocean Optics,
Cat. FOXY-18G-AF) and a RTD hypodermic temperapnabe (Ocean Optics, Cat.
USB-LS-450-TP16) were used for DO and temperateadings, respectively. Details
on the calibration and operation of the fiber opttygen sensor system are given in

Appendix A.
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2.2.4. Gas Chromatographic Analysis

The degradation of isopropanol and acetone waswelll by gas chromatography
using a Shimadzu GC-17A gas chromatograph (GCeeuiwith a fused silica
capillary column (Supelcowd¥-10, polyethylene glycol stationary phase, 30m fleng
0.32mm i.d. x 1.0m film thickness, Aldrich) and a FID detector (aligh purity helium
used as carrier gas). An oven temperature progmagnof 60°C (2.0 min) to 80°C @
5°C/min, injector and detector temperatures of 208%d 1ulL injection volume (split
15:1) were selected for the chromatographic amalysi

The concentration of isopropanol and acetone irilinates were calculated by
seven point external standard calibration curvasguseshly prepared standard
solutions. Each standard was injected in duplicéaee injection per vial). Rralues in
the calibration curves for both compounds were betw0.9991 and 0.9999. Standard
deviations were calculated by Equation 2.3 wheietke sample mean and N is the

sample size.

N
1
= |— - x)2 2.2
c N_lzl:(x1 X) (2.9
L=

Acetone was the only reaction product of isopropahotodegradation detected
in the liquid phase by gas chromatography. A peakng at R= 0.8 minutes,
corresponding to a product of acetone photodecortnposwas also observed in the

chromatograms but it was not identified.
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2.2.5. Determination of kinetic parameters

To determine the kinetics of the photocatalyticateposition of a model
compound its concentration versus time was measiuedg runs. In this study we
assumed that the relationship between the reaciterand the substrate concentration

takes the simple form of the following differentrake equation:
R = -k[C]" (2.9)

where R is the reaction rate, Kk is the rate comsf@his the concentration of substrate,

and n is the order of the reaction with respe@.to

The photodegradation modeling of acetone and ig@mal was performed using
a program written in Mathematica 5:2(Appendix B) where the experimental data was
related to mechanistic models expressed as thgratesl rate equations for a zero- and
first-order reaction. A least-square analysis usedd to determine the best fit and the

model kinetic parameter (i.e., the rate constant).

Photooxidation rates were measured within the fivst half-life periods and
Van't Hoff plots of k versus time [Masel, 2001] sted that the rate constants were
constant over the observed time period. k valoethe Van't Hoff plots were calculated
for first- and zero-order reactions according ta&gns 2.5 and 2.6, respectively, where

C, is the initial concentration of substrate, and e concentration at the time t.

1. Go

ki = T mE (2.5)
1

ko=~ (Co-C) (2.6)

¥ This program was written by Eduardo Martinez-Pedr&h.D. in collaboration with the author.
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2.3. Resultsand Discussion
2.3.1. Effect of pH upon the photocatalytic degradation of acetone and isopropanol

The influence of the solution pH on the photocatalgiegradation of isopropanol
and acetone was examined separately for both comgigaat three different pH values
(4.10, 6.04, and 8.61). Figure 2.2 illustratesrésilts obtained in these experiments.
Initial rates calculated by fitting the experimdrdata are given in Table 2.1. The
analysis of the data indicates that acetone amqutapanol decompositions occur through
mechanisms of first- and zero-order, respectivélgetone exhibited the fastest
degradation rate at pH 6.04 while for isopropabhuldas observed at 8.61. However, it is
evident for both model compounds that there ik td strong dependence of the

degradation rates with changes in solution pH.

Table 2.1. Effect of pH on the initial rates of acetongdk) and isopropanol (&)
degradation in UV-irradiated Tig3suspensions.

Initial solution pH

pH 4.10 pH 6.04 pH 8.61
Kace (min™) (1.05+ 0.07)x10°  (1.21+ 0.05)x10°  (1.04+ 0.06)x10?
kise (mol L™ min™®)  (6.22+ 0.09)x10° (6.2+ 0.2)x10° (7.5+ 0.3)x10°

38



1.80E-03 %

(A) 1.60E-03 By i e pH4.10
N
s H 6.04
1.40E-03 - N 3 " pH o
—~ iy . AD .
S 1.20E-03 - “%‘z:_\i
< IR I8
e IR TN
% 1.00E-03 - S N
= ““":\
8 8.00E-04 - i ~\‘~::““
c I iy
5 . ¥
S 6.00E-04 - Ry
&
=~ 4.00E-04 -
2.00E-04 -
0.00E+00 T T T T T T T
0 2 4 6 8 10 12 14 16
Irradiation time (min)
1.70E-03
(B)
1.60E-03 ¢ pH 4.10
. H 6.04
—~ .iiE:~\ "P
S 1.50E-03 LAE T ApH 8.61
5 LA
< 1.40E-03 - ¥ Eii
% I-\ ~~Ejf:::¥
S 1.30E-03 - .
o
o
L
3 1.20E-03 -
X
1.10E-03 -
1.00E-03 : : : : : : :
0 2 4 6 8 10 12 14 16

Irradiation time (min)

Figure 2.2. Substrate concentration against illumination tob&ined from suspensions
of TiO, at different initial pH (TiQ, 2g/L; initial concentrations, (A) [ISPF (1.61-
1.64)x10°M, (B) [ACE], = (1.56-1.57)x18M). The markers indicate experimental
data. The dashed lines indicate the model fits.
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The latter observation is not surprising considgthmat neither acetone nor
isopropanol possesses ionic, ligand donor funcligraups. This fact rules out
electrostatic attractions and inner sphere cootidinavith the titanium ion as their
sorptive interactions with the catalyst surfaceichtwould have a marked dependence
on pH. However, this is not an indication of thability of our model compounds to
adsorb to the Ti@surface.

Another reason that explains the observed weakndigpee of degradation
kinetics with solution pH is that acetone and isgamnol do not have a dual
hole/hydroxyl radical mechanism of degradation apeg in the range of experimental
pH. We believe that hydroxyl radicals are the sggepesponsible for the initial steps of
their photodecomposition in all the range of pHdusethis study since their adsorption
to the TiQ surface very likely only involves an outer sphiateraction (i.e., hydrogen-
bonding). If a shift from direct interaction wittoles to a hydroxyl radical mechanism
(where the former is considered a more efficientpss) occurs with varying pH and
varying adsorption behavior, then a greater chamgegradation rates will be observed
for our model compounds with changes in this agyadrameter. For substrates that do
not strongly adsorb to the surface the photodegi@ademechanism occurs through
reaction with hydroxyl radicals (protonated or ddgpnated) produced on the catalyst
surface [Monllor-Satoca et al., 2007; Salvador,Z200llareal et al., 2004]. Despite the
weak dependence of degradation rates with pH,lbserged differences are significant
and can indicate the possible role of surface pmema on the adsorption and

degradation of our model compounds.
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In order to give a simple explanation for the oledrresults the multisite
protonated model proposed by Hiemstra et al. (198989b, and 1991) was adopted.
Therefore, it was assumed that the behavior oTtg/solution interface for our
particular system is dictated by the propertiegheftwo distinctive surface hydroxyl
groups formed upon dissociative water chemisorpitquations 2.1 and 2.2). A simple
interpretation of our experimental results on theib of this current model of the surface
behavior can serve as evidence that adsorptionrahodel compounds to the TiO
surface sites may occur through hydrogen-bondinbeasurface hydroxyl groups.

If our hypothesis of hydrogen-bonding to the sugfgdroxyl groups is correct, a
substrate like isopropanol would have the capattitadsorb on Ti@in all the range of
pH. By orienting the oxygen or hydrogen atom sfgblarized hydroxyl group,
isopropanol can approach surface sites with rebphsitive or negative charge. In
addition, considering that the model alcohol hadrbgen donoro™ = 0.33; Abraham,
1993) and acceptop'{ = 0.56; Abraham, 1993) capabilities several madesisorption
can occur with the surface species bearing Brorestetlbase properties (refer to Figure
1.5). On the other hand, acetone, which only ms&sethe ability to accept a proton
through its carbonyl group{ = 0.04,8" = 0.49; Abraham, 1993), would be able to
approach positively charged surface sites withiackaracter because only the negative
end of its dipole can be exposed to the chargdd=i(see Figure 1.5). Hence, acetone
adsorption to the Ti@surface is more limited compared to isopropanudesit will
mostly occur at pH pH;,c where the surface groups with acidic charactepegsent

(refer to Figure 1.5).
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The explanation of our data would not be complataaut considering the pH
dependence of the formation of the species resplensi the degradation of our model
compounds. As it was already mentioned, surfacedxyl radicals which can initiate
the oxidation reactions in both acetone and isagamop[Cundall et al., 1976;
Cunningham and Srijaranai, 1988; Harvey et al. 3188andelbaum et al., 1999;
Sakaguchi et al., 2006; Stefan et al., 1996; Yanaagjaal., 1988], would be formed at a
higher rate in neutral and, especially, at alkafirezlia.

On the basis of the two aspects of our rationhkefaster reaction rates of
isopropanol and acetone decomposition would bea&gdo occur in a pH range where
optimum conditions for adsorption to the Ei€urface and optimum concentration of
surface hydroxyl radicals coincide. This prediatis in complete agreement with the
obtained results.

In the case of isopropanol, adsorption modes thrdwygirogen-bonding with

surface sites may involveTi-OHY*" and=OH"**

groups. Since these surface sites are
the most abundant sites at pH above and belowHhig fRodriguez et al., 1996],
respectively, this substrate possesses feweratshs to adsorb to the surface at any of
the pH values used in this study.

The above would also explain why zero-order kirgeigcobserved for the
decomposition of isopropanol. The fact that the od degradation does not depend on
isopropanol concentration (which ranges betweeil(1.64) x1G M) may be an

indication that saturation coverage of the hydrelgending active sites is attained. This

can also be illustrated if the number of availatilic OH groups® (Ns= {=OHY3"} +

2 Using the same nomenclature of Rodriguez et 804), the curly brakets denote surface concentratio
of the species.
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{=0%3} = 2.97 x10° mol m?) and the specific surface area (51 M reported by
Rodriguez et al. (1996) for Degussa P25;Ta€e used to obtain their total concentration
in our photocatalytic reaction systems. From thedees it can be calculated that under
the conditions used in our studies there are 3108 moles of acidic OH groups per liter
of solution compared to (1.61-1.64) X1Moles per liter of isopropanol. A similar
concentration of basic OH groups (Ns=T§-OHY®} + { =Ti-OH,**"}) can be assumed
based on the determinations of Van Veen et al. fL@&%®e Chapter 1). As a result of the
above, the principal factor influencing isopropapbbtooxidation could be the
concentration of active species (i.e., hydroxyicals$) that are formed under the given
experimental conditions, as previously suggeste@uayningham and Srijaranai (1988)
from an isotope-effect study. Therefore, the fststiegradation of isopropanol occurred
at the most alkaline media (pH 8.61) where a higoacentration of surface hydroxyl
radicals is expected.

On the other hand, adsorption of acetone is mateicted because it can only act
as a hydrogen acceptor. Therefore, its mode(ajisbrption onto the surface may only
involve the acidic and positively charge®H"** and=Ti-OH,?”** groups occurring at
pH 4.10 and 6.04. However, the rate of degradaifacetone was found to be higher at
pH 6.04 where the best compromise between a seitalrface site for adsorption and
abundance of hydroxyl radicals is attained.

A first-order reaction for the photocatalytic consien of acetone may be an
indication that its adsorption to the surface & itiost determining factor for its optimal
degradation. A possible justification is that tiegure of the degradation products

resulting from OH radical attack might prevent the saturation coyeraf the TiQ
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surface with our model compound. Formic acid acetia acid are possible oxidation
products of acetone [Stefan et al., 1996] thatfoem inner sphere complexes with'Ti
ions which affects the surface density of hydrogeneding sites and the surface hydroxyl
radical production. Formaldehyde, another plaesibduct [Stefan et al., 1996], would
have a lesser effect as a surface site competitoe i is a weaker hydrogen accepilt (

= 0.33; Abraham, 1993) than the parent compound.

2.3.2. Direct photolysis studies

Acetone and isopropanol are weakly absorbing comgin the UV rangé' at
wavelengths below 350 and 250 nm, respectivelydXal., 2003]. Therefore, they may
undergo decomposition through direct photolysighgir UV irradiated aqueous
solutions. Since these wavelengths are emittétidoynedium pressure mercury lamp
(ACE glass, Inc) used in our studies, direct phatislmay be an alternative route for the
decomposition of our compounds besides the-fit@diated photooxidation in our
heterogeneous photocatalytic systems. In orddetermine the efficacy of this direct
route compared to UV/TiEphotocatalysis, the occurrence of the former readt.e., in
the absence of Tigratalyst) was investigated in solutions contairong model
compounds at the same concentrations and initiatgidlitions used in the
heterogeneous photocatalytic experiments. Figilslows a comparison of the direct
photolysis of acetone and isopropanol while Figudedepicts a comparison of the

efficacy of both methods for the treatment of owdel compounds in water.

% Their molar absorption coefficients @go.m= 15.4 M'cm* [Feigenbrugel et al., 2005] aBghs,m= 32
M em® [Von Sonntag and Schuchmann, 1977], respectively.
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In Figure 2.3 it can be observed that direct plysislof both acetone and
isopropanol shows similar S-shaped conversion proéles. Therefore, the curves do
not conform to simple zero- or first-order kinetarsd the model parameters describing

their direct degradation by UV light cannot be give
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Figure 2.3. Direct UV photolysis of acetone (filled symbo#s)d isopropanol (open
symbols) in water under different pH conditionsvefage initial concentrations:
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The comparisons contained in Figure 2.4A showuhder similar experimental
conditions the photocatalytic reaction pathway @ereffective than direct UV
photolysis for the oxidation of isopropanol in aqus solution at all the pH values tested
in this study. Although acetone is the oxidatioaduct of isopropanol under both
treatment methods, its production is negligibl@tigh direct photolysis under the
conditions used in our experiments. This is ireagrent with the low yields of
isopropanol UV photolysis reported in aqueous sofufFarkas and Hirshberg, 1937,
Von Sonntag and Schuchmann, 1977]. Therefore,aneassume that in the TiO
containing photocatalytic systems direct photolysisot an important pathway of
isopropanol degradation.

For the case of acetone, a more careful examinafitime conversion time
profiles is necessary to reveal significant differes between the direct UV photolysis
and the UV/TiQ degradation routes. Although the photocatalygrction pathway is not
as effective for the degradation of acetone asfii isopropanol in agueous solution,
Figure 2.4B shows that the direct photolysis rdats behind the former reaction in the
later stages of the treatment. It is significéuait tat the initial pH of 8.62 and 4.11 the
direct photochemical reaction levels off after Gaies while the photocatalytic reaction
counterpart shows progressive acetone consumgtiongh a first-order kinetic, as
determined earlier in this chapter.

Several competitive processes may cause the |&vefl ihe direct photolysis
curves of acetone. According to early studies piin@olysis of acetone in solution

proceeds via the excitedmitriplet state with the formation of acetyl and mgtadicals
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by a-cleavage (Equation 2%7) [Anpo and Kubokawa, 1977; Dalton and Turro, 1970;
Pieck and Steacie, 1955; Porter et al., 1971, 1973]

(CH3COCH3)aq+hV And (CHBCO. + CHa.)aq - Cl'bco.free + CHS.free (2'7)

solvent cage

However, the quantum yield of acetone decompositiomater is low ©,70nm=
0.061; Anpo and Kubokawa, 1977) due to recombinaticthe radicals because of the
“cage” effect (Equation 2.3) or due to deactivatidrihe active molecules by several
pathways: (i) collision [Pieck and Steacie, 19%b) solvent-assisted photoenolization
involving a six-membered intermediate species (fedl5) [Porter et al., 1971, 1973]
and, (iii) self-quenching by hydrogen abstractimonf ground state acetone (Figure 2.6)
[Porter et al., 1973]. In the last two mechanishesenol form of acetone undergoes
ketonization and the original compound is reforméddilute aqueous solutions,
however, the self-quenching pathway is only a mpranary process compared to (ii)

[Porter et al., 1973].

C.. _H
ch/ \CH2

Figure 2.5. Proposed structure of intermediate for the wassisted photoenolization
mechanism of the triplet state of acetone (repreddom Porter et al. (1971), p. 3153,
Figure 4).

% The subscript “aq” means that the species aredmtueous solution.
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[CHCOCH® + CHCOCH, Y09 avstadion oy SOHCH, + CHCOCH]
hv disproportionatio
ketonization
CH,COCH,  « [CH,COHCH, + CH,COCH]

Figure 2.6. Hydrogen abstraction of excited triplet acetamenf ground state acetone
(reproduced from Anpo and Kubokawa (1977), p. 1915]

Our results in Figure 2.4 for the UV photolysisagktone are in agreement with
the reported competition between the fruitful palgright side of Equation 2.7) and the
triplet state deactivation processes. The levediii@f the direct photolysis curves of
acetone may indicate the offset to acetone UV pisitocaused by the deactivation
processes that reform the ground state of the cantgho

The observation of a slow degradation of acetormutih the TiQ-based
photocatalytic reaction does not imply that theekics of this process is not controlled by
the TiG, surface phenomena. Although a UV filter to bléigkt below 350 nm was not
used in our studies and we cannot mathematicatlguad for an alternative
decomposition pathway such as direct photolysisgusur fitting program, there are
reasons to believe that direct UV photolysis wdugdeven less efficient to degrade
acetone when the Ti(articles are present in the reactions solution.

First, TiO, absorbs ak < 388 nm [De Lasa et al., 2005] and therefore thalyst
particles suspended in the agueous media affedtabion of light absorbed by acetone,
which possesses a weak absorption band centenedda262 nm [Feigenbrugel et al.,

2005] and is present at low concentration (mM [eirebur suspensions. Second, it is
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likely that the surface hydroxyl groups of Li@articipate in the deactivation of the

triplet state of acetone. Using infrared and phosgdrence spectroscopy combined with
isotopic labeling methods, Anpo (1987) indicated tha triplet state of acetone
associated to the surface hydroxyl groups of pokxtye®r glass (PVG¥: underwent
efficient radiationless deactivation through a samphotoenolization mechanism
proposed in Figure 2.5. Therefore, it is possib& this additional mechanism of
deactivation of the excited state of acetone tpk&se in the presence of TiOatalyst,
suppressing the direct photolysis degradation efaa® even more in the heterogeneous
reaction systems.

In light of the above, we can conclude that thespnee of TiQ may affect two
important factors that determine the direct UV phystisl of acetone: the probability of
the light absorption event and the probability tifvat excited state proceeds to a chemical
reaction. Therefore, it is reasonable to sugdredtwith the addition of the catalyst the
consumption of our model compound proceeds domiynagtthe heterogeneous
photocatalytic route. Hence, we believe that tlileidinces observed in the
heterogeneous photocatalytic rates at differentgtlitions, which were discussed
earlier in this chapter, are controlled by the pre® of the TiQcatalyst.

It is worth mentioning that no attempt to identifietdirect photolysis products of
acetone was made, but methane, ethane, formaldengdacetic acid have been
postulated in the literature [Dalton and Turro, 19@nkenburg and Noyes, 1953; Pieck
and Steacie, 1955]. A compound eluting at 1.38-inutes was detected at all

conditions used. The UV/Tigphotodecomposition product of acetone eluting&mnain

% Major composition: Si@= 96%, BO; = 3% [Anpo, 1987].
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was not observed in the chromatograms obtained tfinenanalysis of the UV direct

photolysis of this model compound.

2.4. Conclusions

A simple interpretation on the grounds of the mitkisnodel and the influence of
pH on the surface behavior has been successfuptaiexhe observed results for the
effect of pH on the degradation of small polar oig&@empounds possessing hydrogen-
bonding capabilities. This study could be thetfinssuggesting that substrates like small
aliphatic alcohols and ketones may adsorb to tki Gatalyst in contact with their
agueous solution through formation of hydrogen-isonidh the surface hydroxyl groups.
In terms of the mechanistic aspects of the photdytat degradation of our model
compounds, acetone and isopropanol, this is ot gnesrest because the idea of these
substrates being hydrogen-bonded to the layer d@fdxyl groups opens up the
possibility that the reaction with the photogenetdtgdroxyl radicals occurs at the
surface of titanium dioxide. Therefore, our hydrngoonding hypothesis challenges the
common assumption that our model compounds doorapete for surface sites and
their oxidative pathways of degradation occur vimmbgeneous phase reaction with free
hydroxyl radicals. Currently, with the emerging b¥fpesis that terminal bridging ions
(0&) are the only hole traps and, therefore, the enlyrce of OFradicals (Equation 2.5
and 2.5) [Salvador, 2007; Monllor-Satoca et alQ7Z0Qthe possibility of these reacting
species desorbing into the finite thickness ofatien volume in the proximity of the
surface could be completely disregarded. If thi®rging idea proves to be correct, then

the hydrogen-bonding hypothesis presented in thidyswill help reconcile the apparent
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contradiction of inexistent desorbing surface hygteoadicals attacking substrates that
are not believed to interact with the surface.

In terms of practical applications, we have shown fiaetors like hydrogen donor
or acceptor capacities and rate of hydroxyl radacatuction are of great importance at
the moment of determining the optimal conditionstfee degradation of substrates such
as acetone and isopropanol. In order to develdW/@iO, process for the removal of
these types of substrates (alone or in the presamsimilar compounds bearing
hydrogen-bonding capabilities) the above factorstrbe considered and the importance
of their role on the rates of degradation mustdsessed for the target compound. For
example, a substrate that possesses both hydrogen and acceptor capabilities does
not have restrictions to adsorb to the surfaceumscydrogen-bonding sites are present
in all the range of pH. Therefore, its fastest ddgtion occurs at conditions where the
rate of hydroxyl radical production is the mostioyatl (i.e., alkaline pH). On the
contrary, if a given substrate does not possesdithehydrogen donor and acceptor
capacities, its adsorption to the surface is r@stlito the conditions where suitable
hydrogen-bonding surface sites exist. As a retdtadsorption to the surface is the

most determining factor on its degradation.
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CHAPTER 3
Effect of carbonate-bicarbonate alkalinity on the TiO,-mediated
photocatalytic degradation of acetone and isopropanol in aqueous

solutions

3.1. Introduction

When hygiene and potable water quality standardsegrgired Advanced
Oxidation Processes (AOPs) such as UViIh@terogeneous photocatalysis can be
implemented in post-processor systems for the finlishing of the water feed.

Because this AOP is currently seen as a promisifmtdogy, there are many
studies on the Tipphotocatalytic degradation of single contaminaimés belong to
various classes of organic compounds [Matthews, 198Bin et al., 1992]. However, it
is important to take into account the effect ofieas chemical compositions of the water
feed if this technology is to be used in the fisialges of the wastewater treatment.
Among the relevant impurities that must be considiésehe fraction of inorganic anions
that are commonly present in wastewater and thatbedyghly resistant to previous
treatment processes.

In addition, apart from being found in the influevater, inorganic anions may be
present as reaction products in the degradatiangainic compounds. On this respect, it
is well known that in almost all cases, under appad@rconditions, Ti@mediated
photocatalytic oxidation of aqueous aerated suspes®f organic compounds
containing C, N, P, S, and X (X= halogen) atoms leadkeir complete mineralization.

Therefore, the inorganic forms of all these elerméoarbon dioxide, nitrate, phosphate,
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sulfate, and halides) are expected to be foundarnreated water [Calza and Pelizzetti,
2001; Kormann et al., 1991; Low et al., 1991, Wanaglet1999]. Although these anions
may or may not affect water potability, their etfea the efficiency of the water
treatment technology being in use must be assessed.

Among all the anions commonly present in wastew#tereffect of carbonate
and bicarbonate anions on the performance of U4/ plitocatalysis is of great
importance. This is not only due to the fact thase ions are omnipresent in water due
to the carbon dioxide exchange with the atmospheddta aqueous pH dependent
equilibria, as described in Equations 3.1-3.4 [Ojjosater, 2003], but also because they
are widely recognized as excellent scavengers abhytiradicals [Behar et al., 1970;
Buxton et al., 1988; Ross and Neta, 1979; Week$atdni, 1966], the species
responsible to initiate the organic substrate abatd in TiQ mediated photocatalysis

(Equations 3.5 and 3.6).

CO; (gas) © COs (ag) (3.1)
CO2@g) « HLOsag) (3.2)
HoCOs aq) « HCOs(ag) pKa= 6.28% (3.3)
HCOs(ag) « CO(ag) pKa = 10.36°° (3.4)

OH + HCQ - OH + HCQ k(OH'+HCOy) = 8.5 x16 M's? (3.5)
OH + CQ¥ - OH + CcqQ~ k(OH+CO*) = 3.9 x1§ M's? (3.6)

The importance of this scavenging effect by carb®species in UV/Ti@

treatment can be evidenced considering that tleecaistant for the reaction of hydroxyl

%4 pKa value obtained from Kumar and Mathur (2006).
% pKa value obtained from Chen and Hoffman (1972).

54



radicals with typical organic compounds (k(B#)) ranges from 10to 10° Ms*
[Peyton et al., 1998], while the carbonate radif@ined in Equation 3.6) rate constants
for typical aliphatic organic substances (k(@C®M)) lies in the range from 1 to 11"

s, Therefore, the presence of carbonate specit®iaqueous media would have a
dual adverse effect on UV/Tiphotocatalysis by lowering the concentration ofroygl
radicals attacking the target organic substratebgmoroducing carbonate/bicarbonate
radicals that are more selective and less reatttave the OHradical [Oppenlander,
2003].

Since UV/TIGQ photocatalysis relies on the processes occurrnin® surface of
the catalyst, the possible inhibitory effect oflmawmate-bicarbonate alkalinity by
competition with the intended organic substratesfoface adsorption sites has to be also
considered. Although there are reports on the sikterthemisorption of important
anions such as sulfate and phosphate by displacirigce hydroxyl group® and
coordinating to surface titanium ions directly (&tjan 3.7) [Abdullah et al., 1990; Chen
et al., 1997, Chen et al., 2003] there is evidendke literature to believe that this type

of inner sphere interaction does not occur for cadbe species.
=Ti-OH + A - =Ti-A + OH (3.7)

Infrared spectroscopic and X-ray diffraction stsdienducted by Kumar and
Mathur (2006) did not reveal any inner sphere atgdon between the carbonate anion
and TiQ. Therefore, the authors proposed thatT®ay be weakly hydrogen-bonded

through its oxygen to a surface hydroxyl groupslaswn in Figure 3.1. Their suggested

%6 Only the singly-coordinated hydroxyl grougli-OHY*, is exchangeable for other anions [Boehm,
1971].
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structure for this interaction involves the basia-OHY* surface group but no
explanation was given for their rationale. A bindingde for the bicarbonate anion was

not proposed by the authors since they were omgyasted in the pH range 10-12.5.

O—Ti—O—Ti—O—Ti—
/l O/TI O/TI O

Figure 3.1. Hydrogen-bonding of carbonate anion to a surfacidxyl group of TiQ
(redraw from Kumar and Mathur (2006), p. 249, stretlb).

Considering the surface multisite protonation mddelTiO, [Hiemstra et al., 1989a,b,
1991] and a theoretical study on the structure dymthmics of hydrogen-bonding for
carbonate species in aqueous solution [Kumar et28D9] we refined the proposed
structure of Kumar and Mathur (2006). In the follogiparagraphs we suggest a
different binding structure for the carbonate an&m propose a binding mode for the
bicarbonate anion.

Theoretical calculations show that the hydrogen deapacity through the
hydroxyl group (-C-OH) is stronger than the hydrogeneptor capacity through the
carbonyl group (-C=0) in the bicarbonate anion [Kuetaal., 2009]. Therefore, one
would expect a stronger hydrogen-bonding interadtietaveen the hydroxyl group of the
bicarbonate anion and a surface hydroxyl group witlasic character. According to the
multisite model [Hiemstra et al., 1989a,b, 1991]4b&ace group with basic character is

=Ti-OH*", which is more abundant at pH higher than thepkero charge point of
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titanium dioxide (pH, = 6.5 for Degussa P25 TiORodriguez et al., 1996). However,
this surface site carries a residual negative ehbgsening the possibility of an
interaction with the HC® anion?’. Therefore, we conclude that the carbonyl grdup o

HY** surface

the bicarbonate anion interacts with the acidic posltively chargegO
site, which is more abundant at gHpH,,c. Nevertheless, this hydrogen-bond is weaker
in nature since the hydrogen acceptor capacitgwel for the bicarbonate anion. For a

similar reason, we propose that the same surfaeéssitvolved in the hydrogen-bonding

of the carbonate anion (Figure 3.2).

]
® o ° ® O O
C C
I |
o N
O H O H O H O H
R I I S s S o
/‘I O;'i’l O;-l"l O/"I'l (@]

Figure 3.2. Suggested structures for the hydrogen-bondir{g)dbicarbonate and (b)
carbonate anions to the Ti®urface (this work).

Our proposed structures for the modes of interaaifdscarbonate and carbonate
anions with theeOHY** surface group are in complete agreement with puddisesults
on the adsorption of these anions. Absorption stughowed that carbonate species are
predominantly adsorbed onto TiQarticles (Degussa P25 type) in acidic and neutral
solutions [Ku et al., 2004; Zhu et al., 2007]. lkadine solutions the adsorption of

carbonate is significantly decreased which is asdrtio electrostatic repulsion forces

’ The same rationale applies to the£@nion.
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HY3* surface

with the negatively charged TiQ@urface. As we mentioned before, t#@
site is more abundant when the pH of the aqueousi@ols below or equal to the pi

of TiO,. We caution that although our proposed bindingl@esoFigure 3.2) would

explain the predominant adsorption of carbonateispen the acidic and neutral pH
range, more studies would be necessary to conclysietect one model over the other.
However, since our model is plausible we will use aoppsed binding modes to

explain experimental results obtained in this work.

In the light of the above, it is possible that ihieibitory effect of carbonate and
bicarbonate ions due to surface site competitionldvbe important if the target organic
substrate adsorbs to the metal oxide particlesitfir@uter sphere interactions such as
hydrogen-bonding. However, the scavenging of hygreedicals would be expected to
be the most common inhibitory effect of carbonatstbonate alkalinity on the action of
the UV/TIO, treatment method.

In this research, we study the effect of carboatarbonate alkalinity on the
TiO, photocatalytic degradation of acetone and isoprobas a function of pH. To the
best of our knowledge this effect has not been inyated. Only one study by Cundall et
al. (1976) reported that the addition of 1.4%Ifol kg* of NaCO; (mostly present as
COs% anion) to an aqueous solution of isopropanol (nfraletion = 0.414, Ti@=10g L
1) greatly affected the rate of acetone photocatalgtmation. Their qualitative study
showed that in the presence of,R&; no acetone was detected in the first 30 minutes of
irradiation and only evolved after prolonged reactiimes, in contrast to the continuous
acetone formation in the absence of the salt. alltlieors did not give an explanation to

their findings.
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In this investigation, we speculate that carbonatarbonate alkalinity will have
a detrimental effect on the photocatalytic oxidatid acetone and isopropanol by
lessening their degradation rates in the reactiomias. Based on the current knowledge
on the effect of these anions in UV/TiPhotocatalysis, we hypothesize that the
influence of carbonate-bicarbonate alkalinity oe finotodegradation rates of our model
compounds can be attributable to the effect ottimapetition for surface hydroxyl
radicals between carbonate species (Equations8.8.8) and our target compounds
(Equations 3.7 and 3.8, k values from Buxton etl&l88). Based on the values of the
reaction rates for the scavenging reactions we éxpatcarbonate anions would be
more detrimental in our photocatalytic systems thi@arbonate anions by decreasing to
a higher extent the photooxidation of our targgaoic compounds. Since the carbonate
and bicarbonate radicals formed in Equations 3b3a6 possess slower reactivity
toward our model compounds (Equations 3.9 and & %£8lues from Ross and Neta,
1979) compared to hydroxyl radicals, they will nohtribute to a great extend to further
organic substrate degradation. This will allow ti@# scavenging effect to be readily
evidenced in the kinetic parameters describingti@ocatalytic oxidation of

isopropanol and acetone in the presence of theaanio

OH' + (CH;):CHOH - H;0 + (CHy),COH k(OH +ISP) = 1.9 x16M's* (3.7)
OH" + CH,COCH; - "CH,COCH; + H;O k(OH+ACE) = 1.3 x18M™s* (3.8)
CO;™" + (CHy),CHOH — HCO;™ + (CHy),COH k(CO;"+ISP) = 3.9 x16M s (3.9)
CO;™ + CH,COCH; — - Products k(C@ +ACE) = 1.6 x16M"s* (3.10)

Considering that hydrogen-bonding interactions iplay a role in the adsorption

of carbonate species and our model compounds ofi@esurface, the competition for
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binding sites may be operative as well in our pbatalytic systems. However, since the
kinetic analysis in our study do not quantify tafect, the interpretation of our results on
the light of this possible competition will be basedthe multisite model of the T3O
surface and the binding modes proposed in Fig@emhich derived from this surface

model.

3.2. Experimental Section
3.2.1. Materials

Degussa P25 Tiwas used without purification. This catalyst h&EA surface
of 50+ 15 nfg™t and an average particle size of 21 nm as repbgtéde manufacturer.
The chemicals isopropanol (ISP) and acetone (ACEg¢ warchased from Aldrich with a
purity of 98% or higher. Anhydrous MaOs; (purity = 99.5, Aldrich) was used as the
source of carbonate species. NaOH (97% purity) and H{Bi@x% purity) were obtained
from Fisher Scientific and used for pH adjustmerthefsuspensions. All reagents were
used as received. Nanopure water (183:em) from an Infinity™ ultrapure

purification system (model D8961, Barnstead) was @eedreparation of all solutions.

3.2.2. Photocatalytic oxidation experiments

The photocatalytic oxidation experiments were cdraet using a 450 W medium
pressure mercury-vapor lamp (Ace Glass, Cat. 782®@&dijioned within a double-
walled quartz cooling water jacket (Ace Glass, Cat478%). A cylindrical cap-sealed
guartz reaction vessel (Ace Glass, Cat. D116912)auntg 20 mL of reaction solution

was fitted in a motor-driven rotating stirrer (Sdiéa Industries, Inc., Cat. 3-163-404)
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and directly exposed to the lamp. More detailsualtioe experimental photochemical
apparatus were reported in Chapter 2.

A reaction mixture was prepared by introduction ddJ§2g/L) into 20 mL of an
aqueous mixture of carbonate and organic subgisateropanol or acetone) in the quartz
reaction vessel. Concentrations of isopropanolastone ranged between (1.54-1.70)
x10° M. The pH of the suspensions were adjusted with iaditf NaOH or HNQ to the
values 6.35, 8.35, 10.36, and 12.0 in order teeceflifferent carbonate compositions
(HCO5/CO5%) in our photocatalytic systems. Typical concetiares of bicarbonate ion
in lakes and groundwater has been reported to toeeba 4-6 mM [Staehelin and
Hoigne, 1985] and in NASA’s Water Recovery Systencascentration varies between
0.49-1.64 mM [Verostko et al., 2000]. Consideringttthe application of AOPs like
UV/TiO, photocatalysis increases the content of carbdmatgbonate alkalinity during
the treatment process, we use a high concentratido®d M NaCOs. All suspensions
were prepared in duplicates, placed in the darleld&d with aluminum foil and allowed
to equilibrate overnight at Q.

After irradiation, samples for analysis were withdramith a syringe (Perfektum
Micro-mate interchangeable syringe, Fisher Scienténd filtered through a 0gdm
nylon membrane (Osmonics Inc., Fisher Scientifitgdi in a 13mme-filter holder
(Millipore, Fisher Scientific). The filtrate wasamsferred to autosampler vials containing
fixed 100uL glass inserts and stored in the dark &CLOntil gas chromatographic

analysis (one injection per vial).
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3.2.3. Gas chromatographic analysis

The degradation of isopropanol and acetone waswelll by gas chromatography
using a Shimadzu GC-17A gas chromatograph (GC) eqdipfith a fused silica
capillary column (SupelcowdX-10, polyethylene glycol stationary phase, 30m fleng
0.32mm i.d. x 1.0m film thickness, Aldrich) and a FID detector (uttigh purity helium
used as carrier gas). An oven temperature progragiaiié0°C (2.0 min) to 80°C @
5°C/min, injector and detector temperatures of 208%d 1ulL injection volume (split
15:1) were selected for the chromatographic analysis

Identification and quantitation of isopropanol awtone were performed by
previously calibrating the GC with standards of viagyconcentrations of the selected
compounds and analyzing the retention times ankl @esas obtained in the
chromatograms. Acetone was the only reaction ptoafusopropanol photodegradation
detected in the liquid phase by gas chromatographgeak eluting at R 0.8 minutes,
corresponding to a product of acetone photodecortnposwas also observed in the

chromatograms but it was not identified.

3.2.4. Determination of kinetic parameters

The photodegradation modeling of acetone and ig@mal was performed using
a program written by the authors in Mathematica(Bf&endix B). The kinetic rates
were followed in the region where the reaction wasalivehich occurred within the first
two half-lives. All plots were analyzed in terms ofrfal kinetics. More details on the

determination of kinetic parameters were given iaaar 2.
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3.3. Resultsand Discussion
3.3.1. Effect of bicarbonate alkalinity (HCOj3) on the photocatalytic degradation of
isopropanol and acetone

In order to study the effect of bicarbonate ionsum photocatalytic systems, the
initial degradation rate constants of isopropamal acetone were examined in the
presence of N&O; at pH 6.35 (50% HC®) and pH 8.35 (100% HC). Figure 3.3
illustrates the results obtained in these experimeihe kinetic parameters (reaction
orders and initial rate constants) computed bingitthe experimental data are given in
Table 3.1. The results obtained under the effeptbalone (Chapter 2) will be used for
comparison and they will be referred as kinetic peaters calculated in the absence of
NaCOs.

The first point to observe from our kinetic resudtshat in the absence of pGO;
the initial rate of photodegradation of isopropafials) depicts an increase from 6.25L0
M min™ at pH 6.04 to 7.5xIOM min’ at pH 8.61. The increase in bicarbonate
concentration from 50% (pH 6.35) to 100% (pH 8.3Suled in a comparable increase
in kisp from 3.0x10° to 4.38x10° M min™, respectively. This observation suggests that
the difference in initial rate constants obtainecgwkhe pH is increased from pH 6.35 to
8.35 in the presence of bicarbonate anions maytbleudable to a pH effect on the rate
of degradation of isopropanal, that is, the degiiadaof isopropanol is faster at
conditions of alkaline (pHB) where a suitable concentration of surface bindites and

hydroxyl radicals occurs simultaneously.
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Figure 3.3. Photocatalytic degradation of (A) isopropanol$@1.62) x1G M] and (B)
acetone [(1.58-1.70) xTM] in TiO- (2g/L) aqueous slurries containing 48&; (0.01
M) at different initial pH values. Filled symbolepresent the degradation profiles
obtained under the effect of pH alone (Chapter 2)ae given for comparison.
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Table 3.1. Initial rate constants for the effect of pH anddbbonate ions on the
photocatalytic degradation of isopropanol [(1.586) x10°M] and acetone [(1.69-1.70)
x10°M] in aqueous suspension of Hi(Rg/L).”

Initial pH kise (M min-1) Kace (min™)
(% carbonate species)
6.35 (50% HC@) (3.0 0.1) x10° (1.22+ 0.04) x10°
8.35 (100% HCQ) (4.38+ 0.09) x10° (9.4+ 0.5) x10°
6.04 (no HCQ) (6.2+ 0.2) x10° (1.21+ 0.05) x10°
8.61 (no HCQ) (7.5+0.3) x10° (1.04+ 0.06) x10?

“The effect of bicarbonate anions was studied tajrapgNa,CO; to the slurries (0.01 M).

The results in Table 3.1 also show that aiBtdnd pHB, kspis around 2.07 and
1.71 times faster, respectively, than under thecetf 0.01 M NaCO; at similar pH
conditions. This is in complete agreement with logpothesis that the photocatalytic
degradation of isopropanol is retarded under thitiad of the bicarbonate anions to the
slurries compared to conditions where the inorgadditive is absent. Therefore,
although the kp is faster on increasing the pH of the aqueous nfeatia 6.35 to 8.35,
the presence of bicarbonate anions significanttyebeses the rate of degradation of
isopropanol under the experimental conditions used.

To find a plausible explanation for the resultsserged above for isopropanol we
can first consider the Otscavenging inhibition factor of bicarbonate aniofsom
Equations 3.5 and 3.7 we can see that bicarbonaiesareact with hydroxyl radicals at a
rate that is 3 orders of magnitude slower than tieesponding rate for isopropanol
reacting with hydroxyl radicals. Let us considestrictly homogeneous kinetic system

and take into account the second order rate carfstatine reaction of OHradicals with

isopropanol (k(OH+ ISP) = 1.9x1&M™ s?, Buxton et al., 1988) and HGQk(OH" +
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HCO5) = 8.5x16 M™ s, Buxton et al., 1988), and their respective cotregions as
used in our experiments. From this, it could leveded that approximately 98% and
97% of the hydroxyl radicals would react with isopanopl at the initial pH 6.35 and 8.35,
respectively’® (see Appendix C for details on calculations). Althb this calculation
does not account for differences in surface adsorutf isopropanol and bicarbonate,
and therefore, assumes that their reaction withdxydradicals only depends on their
rates constants, it helps to put the effect ofst@senging reaction into perspective.
From the above analysis, it is observed that thé €@Blvenging reaction alone
cannot explain the slowness in isopropanol initék rconstants observed in the presence
of bicarbonate anions. Therefore is possible ggest that this is also due to the
hydrogen-bonding of bicarbonate anion to the;l80rface. We previously suggested
that bicarbonate may bind to the hydroxyl surfaceig=OH*". In addition, according
to our hydrogen-bonding hypothesis presented irp@&n&, we proposed that
isopropanol has the potential to bind to the mbandant surface hydroxyl groups in all
the range of experimental pHOHY** and=Ti-OH'*" (see also Figure 1.5). Therefore,
there might be a possible competition between baraate anion and isopropanol to
hydrogen-bond to theOHY** surface group. The fact that the concentratiothisf
surface site is higher at pH 6.35 than at pH 8.354ju TiO, = 6.5, Rodriguez et al.,

1996) would explain the slightly faster degradatiéisopropanol at the slightly alkaline

8 As stated by Larson and Zepp (1988), the calcdilfietion of hydroxyl radicalsfdy.;) that reacts with

a system componeni) fepresents the efficiency at the start of treatmdy no means, this value reflects
the further decrease in efficiency that occurstestarget compound concentration decreases overtime
With this calculation we are also assuming thatdhdace hydroxyl radical possesses similar reiietss
with the system components as the free hydroxyitehdh the solution bulk. In addition, this calation
does not take into account the effect of adsorptmrihe TiQ catalyst which may further affect the
availability of surface hydroxyl radicals to thessgm component. Therefore, we caution that therskc
assumption, in particular, may give valuedgf.; that are not completely valid for a given photataic
system. However, we may u$g..; values in order to put the initial OHadical scavenging into
perspective.
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pH in the presence of bicarbonate anions. Thergfioieview complements our
previous suggestion that the increaseép ébtained when the pH is raised from 6.35 to
8.35 in the presence of bicarbonate anions isaaeuH effect on the surface speciation
and, consequently, on the rate of degradationopircgoanol. At pH 8.35 a decrease in
the surface concentration ®®H** sites causes a lessening in the adsorption of
bicarbonate anions, while the conditions are stiteg for the adsorption and reaction
with hydroxyl radicals for isopropanol which has #ility to bind to other surface sites.

In light of the above, the inhibitory effect caudmdbicarbonate anions on the
degradation rate of isopropanol seems to be retaiednly to the OHscavenging effect
but also to the competition for binding sites. Tdter may cause the decrease in the
fon. 1spvalues in our photocatalytic system compareddtrietly homogenous one
leading to the slowness in the photocatalytic deggrad of isopropanol, as it was
observed. Due to the absorption of the anionsylbiceate radicals would be formed on
the surface of the catalyst which have extremelyreactivity toward the alcohdf.
Although this conclusion explains the observed data,merely speculative. More
studies would be necessary to test the validithisf competitive adsorption effect by
bicarbonate anions.

The results for the photocatalytic degradationaaftane in the presence of
bicarbonate alkalinity are more intriguing. In thigsence of bicarbonate ions, the initial
rate constant for acetone at pH 6.04cf< 1.21 x1¢ min) showed a decrease when

the pH of the aqueous medium increased up to pH(®®&E = 1.04 x10 min'Y).

2 Although we did not find a rate constant for thaation of HC@ with isopropanol in the revised
literature, it has been reported that the bicartoradical has a decreased reactivity for hydrogen
abstraction toward aliphatic alcohols as compawezhtbonate radicals [Clifton and Huie, 1993].
Therefore, we assume the value of k(HC®ISP) is much lower than 3.0X101%s™.
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Interestingly, in the presence of bicarbonate alikgland under similar pH conditions,
little (at pH 8.35, kce = 9.4 x10° min™) or no difference (at pH 6.35xpd = 1.22 x10°
min™) was observed in theke values with respect to those given above. Thigatds
that, in a similar fashion to the case of isoprapatine observed trend for the degradation
of acetone corresponds to a pH effect (i.e., thie$aslegradation of acetone occurs at pH
~63%%. However, the lack of effect of bicarbonate ondkgradation of acetone is
unexpected according to our hypothesis.

Similarly to the case of isopropanol, we will stém tanalysis of our data in terms
of the OH scavenging effect of bicarbonate anions. If wewdate thefop. ace (as
percentage) for the case of acetone, the valuesa82P42% are obtained for pH 6.35
and 8.35, respectively (see Appendix C for detailshese calculations). Although, as
we pointed out earlier, these values do not repteéleractual situation in a
photocatalytic system, they demonstrate that baraate anions compete for hydroxyl
radicals in a more efficient way with acetone tharhwsbpropanol. Therefore, a
decrease on the photocatalytic degradation of aeaiader the presence of bicarbonate
anions would be predicted.

In terms of competitive adsorption our observatiaresalso unexpected. From
the analysis presented in Chapter 2, we envisiomaedra restricted adsorption of
acetone to the catalyst surface that mainly inwthe acidiccOHY3* and=Ti-OH,*>*
groups. According to the observed first-order kit®e we speculated that there is a
limited fraction of these surface sites reactinghveitetone through hydrogen-bonding.

H1/3+

Therefore, the adsorption of bicarbonate aniomés=0 group (which has a major

2/3+

contribution to the surface speciation thanzie OH,“°", Rodriguez et al., 1996) results

*® See more details on the effect of pH on the phaoadytic degradation of acetone in Chapter 2.
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in a competition with acetone for binding sites.isTih turns would cause an inhibiting
effect on the degradation rate of the intendedtsaties which was not observed.

In light of the previous analysis, our hypothesigxplain the unexpected results
for acetone is to assume that our model compousdneae affinity for the scarce
surface grougTi-OH,?*" than for=OH3*. This would be consistent with our
hypothesis of the limited adsorption of acetonel iawvill explain its first-order kinetics
for degradation and the reduced efficiency of the TW®$ process for the destruction of
acetone in comparison to isopropanol. If acetortethe bicarbonate anion have both
limited adsorption to the Tigsurface and they bind on different surface sttesx) the
probability for the attack of bicarbonate radicasthe adsorbed acetone molecules may
be very low. Therefore, this hypothesis suggestsabetone continues to be degraded
by a fraction of surface hydroxyl radicals whiclat affected by the presence of
adsorbed bicarbonate on RO

There are no reports on the affinity of acetoneafparticular surface site on
aqueous Ti@slurries to support our hypothesis. However, fra@.igas phase studies,
it has been suggested that the reactions of sorak srganic molecules on Ti&ingle
crystals show a strong dependence on surface di@n{8rinkley and Engel, 1998].
Coronado et al. (2003a) also suggested that thevpdtalytic oxidation of gaseous
acetone on a prehydroxylated Ti€ample was comparatively slow with respect to
aliphatic alcohols because it showed structuraliseits (i.e., the TiG crystal faces can
have different reactivities depending on the awdlits of surface hydroxyl groups). In
TiO2/liquid systems, the determination of the actu&;ldrystal faces exposed to the

agueous solution is a difficult task. Therefore, Simplicity, the multisite model
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assumes equilibrium crystal shape [Rodriguez £1896]. However, keeping this
drawback in mind, we do not discard that the photoatiagion of acetone in aqueous
solution is also affected by the crystallographetenogeneity of the titanium dioxide and
the associated phenomenon of different geometramgements of the surface hydroxyl
groups. On the basis of these arguments, it ifyltkat acetone may have more affinity
for a particular acid site over another, as suggkesst our hypothesis.

Although the hypotheses and arguments given in isgudsion for the effect of
bicarbonate alkalinity on the photocatalytic degtazh of acetone and isopropanol seem
to explain the observed results, further studiekheilnecessary to ascertain their
validity.

It is worth to point out that the most important tdoution given by this study is
that the TiQ surface does seem to control the photocatalyStrdetion processes of our
model compounds. For example, if the oxidatioaadtone was to occur mainly by
homogeneous reaction with free hydroxyl radicalsqsehexistence in photocatalytic
systems is still in controversy), then the bicadieranions would have had a more
detrimental effect on the photocatalytic reactiates of our model compound. In such
scenario, the free hydroxyl radicals would be atsvenged by the unadsorbed
bicarbonate anions and the slowness of the reasétween HC@ and acetone would
have caused a decrease in the calculated degnadatés. Therefore, from our data, it
seems reasonable to conclude that thé €dvenging reactions and the attack of radical
species (either adsorbed Ot adsorbed HCO) on the target substrates requires the
initial adsorption on the surface of the system ponents (i.e., target organic

compounds and bicarbonate anions).
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3.3.2. Effect of carbonate alkalinity (COs*) on the photocatalytic degradation of
isopropanol and acetone

The data obtained for the effect of carbonate alkglin our photocatalytic systems is
summarized in Table 3.2 and Figure 3.3. Unlikeanalysis for the effect of bicarbonate
alkalinity, we do not compare with kinetic informatiéor the degradation of our model
compounds in the pH range 10.36 to 12.0 in the alesehNaCO;3".

Table 3.2. Initial rate constants for the effect of carbonates on the photocatalytic

degradation of isopropanol [1.62 xiMI] and acetone [(1.58-1.65) xfM] in aqueous
suspension of TiQ(2g/L) as a function of initial pH.

Initial pH kise (Min™) kace (Min™)
(% carbonate species)
10.36 (50% C&) (2.09+ 0.06) x10° (5.5+ 0.6) x10°
12.00 (100% C¢¥) (6.2+ 0.2) x10° (1.97+ 0.04) x10°

“The effect of carbonate anions was studied byrapgCO; to the slurries (0.01 M).

The most striking observation from Table 3.2 is¢hange in reaction order for
the photocatalytic degradation of isopropanol tstforder kinetics under conditions of
highly alkaline pH and in the presence of carboaatens. This change in reaction
mechanism does not allow a direct comparison ofldgradation rate values for
isopropanol under the effect of carbonate and baraaite anions. Despite this, it can be
observed from Figure 3.3 that in the presence &6 68rbonate anion (pH 10.36) the
degradation of isopropanol is slower than undeiptiesence of bicarbonate anion (pH
6.35 and 8.35), according to our prediction. lastingly, with further increase in pH and

carbonate anion concentration the degradatiorofasmpropanol undergoes a sudden

31 High alkaline conditions had detrimental effect®ur chromatographic column (SUPELCOWRXL0).
Therefore, studies under conditions of highly basicwere limited to the study of the effect of cambte
alkalinity on the photocatalytic degradation of emwdel compounds and their respective control srlat
(without TiG,).
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increase from 2.09xTbmin™ (at pH 10.36, 50% C£3) to 6.2x10* min™ ((at pH 12.0,
100% CQ?).

The change in reaction order for the FHediated photooxidation of isopropanol
at the alkaline pH values of 10.36 and 12.0 canxpéaaed by the decrease in the
number of surface sites available for isopropaimading at those experimental
conditions. Considering the deprotonation constéiaguations 2.1 and 2.2) for the
surface hydroxyl groups (pK= 5.38 and pk; = 7.60, Rodriguez et al., 1996), at the
highly alkaline pH of 10.36 and 12.0 the surfacecigi®n mostly consists &fTi-OH*
and=0?* sites. Being that isopropanol is a better hydnoaygceptorf{ = 0.56;
Abraham, 1993) than a hydrogen dongt € 0.33; Abraham, 1993), it is likely that the
fraction of effective binding sites for the alcol®ldecreased at conditions of very high
pH where the surface speciation is predominantlycbiastharacter.

In addition, the slow degradation rate of isopropamaler the conditions of pH
10.36 and 50% carbonate anion can be explainedessti of a combined effect of these
two water parameters. Although the amount of anaais®rbed on the surface may be
limited by the number cfOH**sites present at pH 10.36, the carbonate aniobéster
hydroxyl radical scavenger than bicarbonate anipa factor of 46 (k(OFH+CO5%) = 3.9
x10® M's? vs. k(OH+HCO;) = 8.5 x16 M's?, Buxton et al., 1988¥. In addition, the
rate constant for the reaction between carbonatealeahd isopropanol is significantly

slower (k(CQ™ + ISP) = 3.9 x1OM™s?, Ross and Neta, 1979) than the corresponding

rate constant for the reaction with the hydroxylcab(k(OH + ISP) = 1.9 x1dM™ s?,

* To put this into perspective, the fraction of hydroradicals reacting with isopropandb. sp) in a
perfectly homogeneous system is calculated in Agixe@. The calculations show thiat,. sp is highly
decreased in the presence of 50 % carbonate athiahan 100% of bicarbonate aniofis(sp decreases
from 0.97 at pH 8.35 to 0.61 at pH 10.36 in thespnee of NZCO; under the conditions used in our
experiments).
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Buxton et al., 1988). Therefore, the small fractod adsorbed carbonate anion on the
TiO, surface may have a high negative impact on théoplegradation of isopropanol at
pH 10.36 since the adsorption of the alcohol deeeasder this pH condition, as
explained earlier.

In our photocatalytic system, the sudden increasled photooxidation of
isopropanol at pH 12.0 in the presence 0@ is due to an important acid/base
equilibrium of the hydroxyl radical (pk= 11.0, Buxton et al., 1988) that takes place at
these conditions (Equation 3.11).

OH o O  + H (3.11)

It is known that the oxide radical anion {pdoes not react with the carbonate
anion as efficiently (k(O+C05%) = 2.7 x 16 M*s?, Buxton et al., 1988) as the hydroxyl
radical does (k(OH-CO;?) = 3.9 x 18 M’s?, Buxton et al., 1988). However, the
absence of adsorbed anion at pH 12.0 due to el&imsepulsion with the highly
negative TiQ surface would preclude any reaction between thesspecies.

Therefore, it is the efficiency of the reactionveeén the oxide radical anion and
isopropanol (k(O'+ ISP) = 1.2x18M™ s?, Buxton et al., 1988) which explains the
observed results. Under these conditions (pH 1210L80% CGQ) the photocatalytic
degradation of isopropanol has a comparable effiigievith that observed under the
effect of pH 8.61 alone since the percentage ofatkgt isopropanol was 60% and 65%,

respectively (in Chapter 2, pH 8.61 was found to g¢inebest conditions for isopropanol

3 Buxton et al. (1988) reported a pt@lue of 11.0 for the acid/base equilibrium

OH - O + H
in homogeneous phase. However, the foK this equilibrium on the surface of Ti(see Equation 1.8)
has not been determined. Assuming a similaritwben the OHradical in the bulk solution and the
adsorbed OHradical this pKvalue will be adopted in our analysis.
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photodegradation through hydroxyl radical attackiis might demonstrate the similarity
in the reactivity of OHand O radicals toward the model alcohol.

It is important to add that, according to the hteire, the attack of OHAsmus et
al., 1973], O [Buxton et al., 1988], and GO [Clifton and Huie, 1993; Ross and Neta,
1979] radicals on isopropanol occur through hydnogjestraction reactions.
Correspondingly, in all of our chromatographic gs& acetone was the only oxidation
product detected.

In terms of the degradation of acetone, the furihenease in pH from 8.35 to
10.36, and the concomitant change in the natuamioin present in solution, caused a
decrease in the degradation rate constant of aeétom 9.4x16 min™ to 5.5x10° min™,
as expected. In a similar fashion to isopropaegirddation, the efficiency of the
photocatalytic degradation of acetone increasgiHat2.0 and 100% C£. A kace
value of 1.97 x18 min* was obtained at these conditions.

The results for acetone cannot be explained obdbkes of a simple effect of pH,
or even less on an anion adsorption effect. Asxpéaeed earlier, at highly alkaline pH
the surface speciation mostly consists®EOHY* and=0?>". According to our
hydrogen-bonding hypothesis, acetone would not tartlese basic sites because our
substrate only possesses hydrogen acceptor cdjgsbiliherefore, on the grounds of pH
effect alone, the adsorption of acetone is notyike occur at highly alkaline conditions.

In order to give a plausible explanation for theated results, another water
parameter must be considered. Therefore, thepossible explanation is that the
addition of NaCQ; to the TiQ slurries adds the effect of ionic strength on the

photocatalytic process. Specifically, as the i@tiength increases the surface charge is
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easily balanced by counterions in the nearby smiytWasudevan and Stone, 1996]. This
effect is expected to be higher in the presen@adionate alkalinity since the ionic
strength on the slurries is increased when the &nalQ? anion is present (for

example, it changes from ~0.017 M at pH 10.36 (509¢°¢to ~0.025 M at pH 12.0
(100% CQ?%)). Therefore, our hypothesis is that by incregsire ionic strength the
repulsion between the negative end of the dipolthertarbonyl oxygen of acetone and
the negatively charged TiQurface is diminished. This possibility would pérthe
reaction of unadsorbed acetone with the adsorbeda®@#iCQ™" radicals at pH 10.36

and with the adsorbed Oradicals at pH 12.0 within the thin interfacial layéinal to

the surface. Additional research would be requioeektify this hypothesis.

In light of the above and similarly to the caseésofpropanol, the OHscavenging
effect of CQ* explains the observed decreasegekwvhen the pH is raised from 8.35 to
10.36**. The sudden increase in the initial rate of degtian of acetone at pH 12.0 is
due to the preference of the oxide radical anioattack acetone over the carbonate
anion.

It is worth to mention that although we could notfavalue for the rate constant
(k(O"+ ACE)) in the revised literature, it seems thatdRile radical anion may be just
as or more efficient than the hydroxyl radical emhde acetone. This remark is based

on the observations that 25% of the initial conmin of acetone was degraded at

*In a perfectly homogeneous system the fractiorydfdwyl radicals reacting with acetorfei. ace)

would be highly decreased in the presence of 5@#donate anions that on 100% of bicarbonate anions
(fon-ace decreases from 0.72 at pH 8.35 to 0.10 at pH 1i0.8% presence of N@O; under the

conditions used in our experiment; see AppendiriQétails on these calculations). However, as we
already mentioned, this calculation does not actfmurthe effect of surface binding. The limited
adsorption of acetone and carbonate anions oniestlirface at pH 10.36 may decrease their respective
fon.; values with respect to those calculated for a lggmeous system.
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conditions of pH 12.0 and 0.01 M 203, while 16% was degraded under the effect of
pH 6.04 alone (in Chapter 2 this pH was found to retttebest conditions for the
degradation of acetone through hydroxyl radicack}. It has been previously noted
that both OHand O radicals react with aliphatic organic compoundsuigh hydrogen
abstraction reactions in aqueous solutions [NetaSaailer, 1975], therefore relatively
similar reactivities with acetone could be expected.

At this point is also important to add that the dinghotolysis mechanism does
not account for the values and trends observelldgrand kce in the UV/TIO,
photocatalytic system containing 0.01 M,8&s. The analysis of the control solutions
(i.e., in the absence of TiDcontaining the salt, shows that the degradation of
isopropanol under the effect of UV light follows asthorder kinetics in all the range of
experimental pH contrary to the observations inUNéTIO, photocatalytic system. In
addition, when the reaction orders allow direct conspa, the calculated rate constants
for the direct photolysis @) of isopropanol are around one order of magnitoder
than those |kp values (in units of min) in the presence of TiO In the case of acetone,
under identical conditions, thgkvalues were between 2.2 x10 3.3 x10° min™.

These values were always significantly lower tharkize values obtained in the
heterogeneous photocatalytic experiment (the exyearial data obtained from these

control solutions is presented in Appendix D).

3.4. Conclusions
In this study we investigated the effect of carlierdzicarbonate alkalinity (0.01

M NaxCOs) in the application of heterogeneous Tighotocatalysis for the oxidation of
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acetone and isopropanol (in the mM level) in wafEine extent of inhibition on the rates
of degradation varied according to the type of agipresent in the photocatalytic system
and their reactivity toward OHscavenging.

Although the carbonate anion adsorbs to a less eatethe TiQ surface than the
bicarbonate anion, its higher ability for scavemgiof hydroxyl radicals had a more
detrimental effect on the photodegradation ratesuwsftarget compounds at the pH of
10.35. At the highly basic pH of 12.0, were the agidid not adsorb to the TiQurface
and the OHO™ equilibrium was operating, the efficiency of the U@, process to
degrade acetone and isopropanol was significanthaeced with respect to any other pH
in the presence of M@QOs; since the attack of O toward our model compounds was
preferable over the reaction with the carbonateramio

The results of this investigation provide the bdsisletermine the experimental
conditions that can optimize the UV/TiQreatment of water containing acetone and
isopropanol when high levels of carbonate-bicarbmaditalinity are present. The use of
highly basic conditions of pH 12.0 obviously impo$gstations when dealing with large
scale treatment systems. Therefore, the only ipeddtmprovement may be to decrease
the hydroxyl radical scavenging by pH adjustment<t®.35 (in order to convert
carbonate alkalinity to bicarbonate alkalinity), \ehioptimal conditions for the
adsorption of the intended substrate on the, T@alyst can still be attained. In addition,
other pretreatment options before application of U@LTphotocatalysis should also be

considered in order to reduce the alkalinity of wager at the beginning of the process.
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CHAPTER 4
Effect of ionic strength on the TiO,-mediated photocatalytic

degradation of small polar organic compoundsin aqueous solution

4.1. Introduction

Part of the current knowledge about the electricaperties of the titanium
dioxide/aqueous interface has been obtained framntiometric acid/base titrations of
TiO, suspensions in the presence of indifferent elgte® [Ahmed and Maksimov,
1969; Bérubé and Bruyn, 1968; Davis et al., 1978msiea and Van Riemsdijk, 1991;
Kallay et al., 1986; Schindler and Gamsjager, 197M2je titration data is usually
presented by plotting the relative ionic adsorptiensity of protons and hydroxyl ions
(Th+ - Ton) *° against pH of the solution.

When the so called adsorption isotherms of therpiaiedetermining ions (Hand
OH) are obtained at varying concentrations of indéfe electrolytes (i.e., varying ionic
strengths) they constitute a valuable experimeatdlto study the oxide surface
equilibria and confirm the importance of Hnd OH in the establishment of the surface

charge. Itis precisely this uptake or releaspadéntial determining ions what is now

% As described by Davis et al. (1978) and Rodrigtes. (1996) the contribution to the surface charg
density due to the adsorption of potential detanngj ions (i.e., ionization of surface hydroxyl gps) is
expressed as:
0,=0, -0o = F Ch+ - Ton)
Wherea, is the surface charge density (CAyni represents the surface concentration of potential
determining ions (mol/cfand F is the Faraday’s constant,” ando, are defined as:
0, = F (213&Ti-OH,?*"} + 1/3{=0H"*"})
0o = F (2/130%*}+ 1/3{=Ti-OH"*})
Using the nomenclature of Rodriguez et al. (198@i)ly brakets represent surface concentrationseof t
hydroxyl groups.
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known as the ionization of the surface hydroxyl ge(Equations 1.1 and 1.%) which
was explained in Chapter 1. The experimental degaitl the method of calculating the
charge densities in metal oxide suspensions haate dhescribed elsewhere [Ahmed,
1966; Kallay et al., 1986] and it will not be giveera.

Independently of the type of indifferent electrelyhosen, the isotherms have
common features related to the electrical propedfahe colloid investigated. First, the
series of titration curves obtained at varying costrengths intersect at a common point
where the net surface charge is zero (i.e;ppHSecond, when the ionic strength is
increased, the adsorption of Bnd OHis enhanced, causing an increase in the positive
and negative surface charge above and below thg, pespectively. Adsorption
isotherms can be found in the literature for Fi@equilibrium with aqueous solutions of
NaNO; [Bérubé and Bruyn, 1968], KNJAhmed and Maksimov, 1969; Hiemstra and
Van Riemsdijk, 1991], LIN@[Davis et al., 1978], and KCI [Rodriguez et al. 1094
typical set of potentiometric titrations of Ti@ contact with supporting electrolyte are
shown in Figure 4.1.

The experimental charging behavior of Fi@ the presence of indifferent
electrolytes can be interpreted in terms of the NM@nultisite complexation) model
and the physical representation of the double layéne TiQ/aqueous interface
[Hiemstra and Van Rimesdijk, 1991]. According to éhectrical double layer model
(Figure 1.2), the indifferent electrolyte ions (j.#ose ions that are not specifically

adsorbed by the mechanism of ligand exchange)rangdtential determining ions {H

% For example, the adsorption of hydrogen ions @ddscribed by the equation:
=Ti-OH" + H" o =Ti-OH,”**
Whereas the uptake of hydroxyl ions can be predeasea deprotonation [Schindler and Gamsjager,]1972
EOH1/3+ o E()2/3- + H+
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and OH) have a joint role in establishing the magnitutithe surface charge [Davis et
al., 1978]. In this model, the electrolyte ionside in a planedg) separating the Stern
layer from the diffuse layer. From this distanttesy counterbalance the surface charge
by forming interfacial “ion-pairs” with the chargedrface hydroxyl groups (located on
theg, plane) [Hiemstra and Van Riemsdijk, 1991]. Due ts tbn-pairing equilibrium,
the Stern layer can be treated as an electrostatidenser. Therefore, an increase in
ionic strength causes an additional adsorptiorotéitial determining ions, as observed
in the titration curves of Figure 4.1 [Bérubé armdyg, 1968; Hiemstra and Van
Riemsdijk, 1991].

Combining a model of the electric double layer wiite multisite protonation
model of the surface speciation, Rodriguez etl@96) successfully predicted the
charging behavior of Tig{Degussa P25) in the presence of KCI. Accordingéa t
model calculations, the increase in electrolytecemtration affects the acid-base
equilibria of the surface hydroxyl groups, increasihe contribution oETi-OH,?" (at
pH < pHyp) and=0** (at pH > pH,o) to the surface speciation. The higher residual
charge carried by these surface sites increasesetlaharge of the surface in the
respective pH range, which is corroborated with expenital observations [Rodriguez et

al., 1996].
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Figure4.1. Surface charge densitgJf on (A) TiO, (rutile) in the presence of KNnd
(B) TiO, (Degussa P25) in the presence of KCl as a fundtiguid (reproduced from
Hiemstra and Van Riemsdijk (1991), p. 20, Figurargj Rodriguez et al. (1996), p. 124,
Figure 1).
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The study of the effect of ionic strength in Bighotocatalytic systems has been mostly
related to adsorption studies of organic compouride influence of ionic strength on
the charging behavior of Tighas been shown to affect the adsorption of organic
compounds possessing ligand donor groups thatacemifhner-sphere complexes with
the catalyst [Rodriguez et al., 1996; Stone etlP3, Vasudevan and Stone, 1996]. For
example, Rodriguez et al. (1996) studied the chenpii®n of catechol (1,2-
dihydroxybenzene) at the Ti@aqueous solution interface. In the absence ctrelgte,
the authors observed that the formation of titanaatecholate complexes produced an
excess of negative surface charge as revealecelshift of the isoelectronic point of the
TiO, particles to lower pH values (the postulated surtacaplexation equilibria are
given in Equation 4.1 and 4.2). The authors regubtthat in the presence of background
electrolyte (0.1 M KCI) the screening effect caubgdhe ionic strength enhanced the
chemisorption of catechol at pH values within thepHf TiO, and the pk; of cathecol
(i.e., between 6.5 and 9.2) [Rodriguez et al., 1996]

4/3-

OH @)
=Ti-OH3- 4+ @i - ET< + H* + H,0 (4.1)
OH O
OH =Ti—O
2=Ti-OHY”3- 4 @i o j@ + 2H,0 (4.2)
OH =Ti—O

Fewer studies have been done with respect to thgm&liated photocatalytic
reactions of organic substrates in the presengaddferent electrolyte. For example,

Brown and Darwent (1985) followed the kinetic salt efffior the electron transfer from
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TiO, to methyl viologen (MV"). Since the reaction involved an ionic reageatsiope
of a plot of the rate constant for the formatiorMd "™ (as log k) against pH was
dramatically affected with the increase in the iastiength of the slurries. At low pH
(pH < pHypo) the rate was accelerated by a high ionic strengtiis was interpreted as a
decrease of the electrostatic repulsion betweenyheétiiogen and the positively
charged TiQ particles due to the screening effect of the edbdgte. At conditions of
electrostatic attraction (pH > pkJ the opposite effect was observed. The plots
intersected at a common point where the ionic sthehgd no effect in the rate of
reduction of methyl viologen, and it was used tedatne the pkj of the colloid
sample.

To the best of our knowledge, there are no systersatdies on the effect of
indifferent electrolytes in the photocatalytic dedation of small polar organic
compounds which do not specifically adsorb to the, Burface and do not possess any
ionizable functional group. This lack of reseaisprobably due to the major interest on
the effect of the addition of salts containing Bty adsorbing anions in photocatalytic
degradation rates of organic compounds [Abdulladd.e990; Calza and Pelizzetti,
2001; Chen et al., 1997; Chen et al., 2003; Hu.e2804; Minero et al., 2000; S6ckmen
and Ozkan, 2002; Xing-hui et al., 2002]. When inaiganions are specifically
adsorbed to the TiGsurface (at pH < p}go and form inner sphere complexes (e.g.,
sulfate and phosphate) they clearly reduce the Gftdegradation of target compounds
by blocking surface sites and reacting with photdpoed oxidizing species (holes and
hydroxyl radicals) [Abdullah et al., 1990; Arafia bt 2002; Chen et al., 1997; Chen et

al., 2003; Hu et al., 2004].
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According to our literature review, only one studyAiydullah et al. (1990)
showed that the increasing concentration of NaQUp to 0.1 M) had no effect on the
rate of oxidation of ethanol at pH 4.1. This waslaix@d by the absence of any specific
adsorption of perchlorate anion to the T8irface, which was also confirmed by other
researchers [Bérubé and Bruyn, 1968; Bourikas.g2@D1; Kazarinov et al., 1981,
Sanchez and Augustynski, 1979]. Although the stiddbalullah et al. (1990) was
focused on the effect of inorganic anions and wasonducted at other pH conditions,
the authors postulated that the reaction betwedmed surface and an uncharged
species such as ethanol should be unaffected mgekan ionic strength.

The conclusion of Abdullah et al. (1990) is meredgéd on the grounds of the
effect of ionic strength on electrostatic interan8 occurring in the Tigdaqueous
interface. Their suggestion ignores the effect thea increasing concentration of
indifferent electrolyte has in the distributionsafrface hydroxyl groups which may
participate in the adsorption of small polar orgacompounds (e.g., ethanol) through
other kind of outer-sphere interactions (i.e., log#m-bonding).

It is precisely the use of indifferent electrolytelsat would permit to study the
effect of ionic strength alone on the Ti€urface speciation and obtain further
information on the possible role of hydrogen-bogdif small polar organic compounds
to the surface hydroxyl groups in their photocatalgiegradation. The observations of
Abdullah et al. (1990) at acidic pH do not preclud&t the effect of increasing ionic
strength in the oxidation reaction of small polegamic compounds on the Ti®urface

may be evidenced at other pH values.
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In the first two sections of this chapter the efi@lictonic strength (as NaCKpin
the photocatalytic oxidation of acetone and isoprap in single and binary systems will
be investigated in a wide range of pH.

Based on our hydrogen-bonding hypothesis presemt€tapter 2, we
hypothesized that, at the pH values for the optoleglradation of our model compounds
(i.e., at neutral and acid pH), increasing the fedént electrolyte concentration will
affect the photocatalytic degradation rate of thegled compounds.

In the case of aqueous binary systems of acetahesapropanol (1:1 ratio), we
speculate that the photodegradation of isopropanald be more predominant due to its
dual hydrogen-donor and acceptor capabilities. Hewesome level of competition
would be observed if the joint effect of pH and iosiiength enhances the adsorption of
acetone to the surface as it will be determinetiénstudy of the single compound.

The experimental data resulting from our studies vélevaluated on the grounds
of the effect of ionic strength in the surface fopdll speciation as presented by
Rodriguez el at. (1996) in their model calculatioi$eir results were mentioned earlier
in this introduction. The reason behind the adwptf such model calculations is to
obtain further evidence to determine the possible played by hydrogen-bonding to the
TiO, surface in the photocatalytic degradation of oodel compounds, acetone and
isopropanol.

In order to further test our hydrogen-bonding hxests, the last section of this
chapter will be dedicated to the investigation ¢iied model compound,
dimethylsulfoxide (DMSO), under similar experimertahditions used for acetone and

isopropanol. This study may serve to determine plawsible is to construct a ranking
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of competitiveness for Ti@mediated photocatalytic degradation of small polganic
compounds based upon their hydrogen-bonding asilitAccording to the literature
[Abraham, 1993], dimethylsulfoxide lacks hydrogemadloabilities but it is a better
hydrogen acceptor than acetone and isopropandased merely on this property, we
speculate that DMSO would be able to interact witheserhydroxyl groups (those with
acidic character) more readily and, in consequethegrade at faster rates than acetone.
As it was speculated for isopropanol and acetone xpect to observe an enhancement
effect in the degradation rates of DMSO with incregsamic strength.

As a last remark, in our study we selected sodiurohperate as the indifferent
electrolyte. This selection is based on experiadgnformation that proves the absence
of specific adsorption (i.e., chemisorption) ofgddorate ions to the TiQsurface
[Bérubé and Bruyn, 1968; Bourikas et al., 2001;&awv et al, 1981, Sanchez and
Augustynski, 1979]. In addition, it has been repbtteat CIQ" does not react with
hydroxyl radicals [Kormann et al., 1991]. Basedloese two criteria, sodium
perchlorate is a suitable indifferent electrolyte the study of the ionic strength effect in

photocatalytic systems.

4.2. Experimental Section
4.2.1. Materials

TiO, P25 (Degussa, lot No. 2047) was used in the forml=doin all the
experiments. The manufacturer (Degussa Corporataported a specific surface area of

50+ 15 nfg™* and an average particle size of 21 nm. Nanoputery®8.1 nf2-cm) from

37 A comparison of hydrogen-bonding empirical parargamong our model compounds is given later on
in Table 4.4.
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an Infinity ™ ultrapure purification system (model D8961, Barad)evas used for
preparation of all solutions. Isopropanol (ISRgtane (ACE) and dimethylsulfoxide
(DMSO) were purchased from Aldrich with a purity of 98¥higher. Sodium
perchlorate monohydrated (NaG@,0, 98% purity, Aldrich) was used to maintain the
ionic strength on the solutions at the desirede/@u01 and 0.1 M). NaOH (97% purity)
and HNQ (90% purity) were obtained from Fisher Scientificlaised for pH adjustment
of the suspensions. All reagents were used as ezteicept for DMSO. Nitrogen gas
was bubbled through DMSO for 15-20 minutes beforpgmation of standards or
reaction solutions. This precaution was takenrdepto improve the quality of the

chromatograms during its analysis.

4.2.2. Sample preparation

Suspensions of Tiwere obtained by adding 0.0413 g of the catalytst 2 mL
of agqueous model compound solution, containing edgtermined amount of NaCJO
(0.0, 0.01, or 0.1 M). Average initial concentoats of model compounds were (162
0.02) x10° M for isopropanol, (1.5& 0.09) x10° M for acetone, and (1.420.08) x10°
M for dimethylsulfoxide. In the mixtures, the moleatio between isopropanol and
acetone was 1:1. All solutions were freshly preparatliplicates.

The desired solution pH was adjusted by using NaOH or £iNQe pH values
of the suspensions were measured with a digital plemi@rion PerpHect, model 350,
Fisher Scientific, Cat. 13-642-629) and a needtalmoation pH microelectrode
(Microelectrodes, Inc., Cat. MI-414B). The suspens were placed in the dark,

shielded with aluminum foil and allowed to equilitratvernight at 1TC.

87



4.2.3. Photooxidation apparatus and photocatal ytic oxidation experiments

After overnight equilibration, the sample contaimee screw capped quartz tube
reaction vessel (Ace Glass, Cat. D116912), sealedanhFE/silicone rubber septum
(VWR, Cat. 66010-751), was stirred for 0.5 h undek danditions and immediately
taken as the initial sample. The sample was ttiged whilst being irradiated with
unfiltered radiation from a 450 W medium pressuezeury-vapor lamp (Ace Glass, Cat.
7825-34) fitted in a double-walled quartz immersieggll (Ace Glass, Cat. 7874-35) with
inlet and outlet water lines. More details on thetpcatalytic oxidation apparatus and
its schematic representation were given in Chapter 2

After irradiation at the desired intervals, an atitjaf the reaction mixture was
withdrawn with a syringe (Perfektum Micro-mate intembeable syringe, Fisher
Scientific). The catalyst was separated from thetsm by filtration through a 0.im
nylon membrane (Osmonics Inc., Fisher Scientifid, ®1SP01300) fitted in a 13mm-
filter holder (Millipore, Fisher Scientific, Cat. X3001200). After filtration the sample
was stored in two autosampler vials containing fix@@uL glass inserts (VWR, Cat.
66065-262), fitted with open-top caps and PTFE®il&septa (VWR, Cat. 66030-420).
The samples were stored in the dark &CLOntil gas chromatographic analysis (each
vial was injected once).

Dissolved oxygen (DO) in the suspensions was not déedrbut monitoring of
its concentration with a fiber optic oxygen sens@tam (Ocean Optics) showed that it
was still present at the maximum irradiation timested to sustain the photocatalytic
reaction. The fiber optic oxygen sensor systensisbed of four major components: a

18-gauge needle oxygen sensor probe (Ocean Opticd;Q4Y-18G-AF), a RTD
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hypodermic temperature probe (Ocean Optics, Cat. USB50-TP16), a
spectrofluorometer (Ocean Optics, Cat. USB4000-FL:4&fd a pulsed blue LED light
source (Ocean Optics, Cat. USB-LS-450). Details ofesensor components, its

calibration and operation were given in Appendix A.

4.2.4. Gas chromatographic analysis

Samples of the reaction mixture were analyzed byim&dzu GC-17A gas
chromatograph (GC) equipped with a flame ionizatietedtor and a split/splitless
injector. The GC separation was obtained on a fadied capillary column
(SupelcowaX*-10, polyethylene glycol stationary phase, 30m fleng0.32mm i.d. x
1.0um film thickness, Aldrich). For the analysis of DMS@e temperature of the
injector and detector were maintained atZ5@nd 300C, respectively, and the GC oven
was temperature programmed at 100°C (1.0 min) @/@0AGo 170C (4.0 min), @
40°C/min to 230C (2.0 min). Ultrahigh purity helium gas was usedtee carrier gas.

The chromatographic conditions to determine theentration of isopropanol
and acetone in samples extracted from the reaotigture were described in Chapter 2.
The same chromatographic technique was used farthlgsis of these compounds in
their 1:1 molar ratio mixtures. (L injection volume was selected for the
chromatographic analysis.

Identification and quantitative evaluation of thearel compounds were achieved
by previously calibrating the gas chromatograph \igshly prepared standards of
varying concentrations. Seven point standard calim curves of peak area vs. known

initial concentration were established for each congmt. Each standard was injected in
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duplicates (one injection per vial).? Ralues in the calibration curves for all three ®lod

compounds were between 0.9988 and 0.9999.

4.2.5. Determination of kinetic parameters

The progress of the photocatalytic reaction foraaeh compound (isopropanol,
acetone or dimethylsulfoxide) was monitored by fwilag its concentration as a function
of irradiation time. Initial rate method was usedtudy the kinetics of reaction and,
therefore, the photooxidation rates were measurédnthe first two half time periods.
The photodegradation modeling of acetone, isoprolpand dimethylsulfoxide was
performed using a program written in Mathematica®® (2ppendix B). A least-square
analysis of the experimental data was used to deterthe best fit to the rate law of a
zero- or first-order reaction. More details on tleermination of the kinetic parameters

were given in Chapter 2.

4.3. Results and Discussion
4.3.1. Effect of ionic strength on the photocatalytic degradation of acetone and
isopropanol asindividual compounds.

Figures 4.2 and 4.3 along with Tables 4.1 and 4e2qt the results of the study
of the effect of ionic strength on the photocatalgegradation of isopropanol and
acetone in the presence of three different conatatrs of NaClQ@, used as indifferent
electrolyte. Due to the joint effect of ionic stgtin and pH on the development of 3iO
surface charge and speciation, the experiments pezfermed in a wide range of pH

(4.10, 6.04 and 8.61). The results obtained feratfect of pH alone ion our

% This program was written by Eduardo Martinez Pear®h.D. in collaboration with the author.
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Figure4.2. ISP concentration vs. time profile obtained fribra UV/TiO,-treatment of
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The markers indicate experimental data. The dakheslindicate the nonlinear least-
square fit.
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photocatalytic systems (Chapter 2) are given fongarison (they are presented as results

for zero ionic strength).

Table4.1. Effect of ionic strength and pH on the initiales of isopropanol (&)
degradation in UV-irradiated Tiguspensions.

lonic strength kise (Mol L™ min™)
(asNaClQO,),
M pH 4.10 pH 6.04 pH 8.61
0.0 (6.22+ 0.09)x10° (6.2+ 0.2)x10° (7.5+ 0.3)x10°
0.01 (5.61+ 0.08)x10° (7.5+ 0.2)x10° (7.5+ 0.2)x10°
0.1 (6.75+ 0.09)x10° (8.4+ 0.1)x10° (8.0+ 0.2)x10°

Table4.2. Effect of ionic strength and pH on the initiales of acetone fg)
degradation in UV-irradiated Tigsuspensions.

lonic strength kace (Min™)
(asNaClOy),
N pH 4.10 pH 6.04 pH 8.61
0.0 (1.05+ 0.07)x10°  (1.21+ 0.05)x10°  (1.04+ 0.06)x10?
0.01 (0.90+ 0.06)x10°  (1.31+ 0.06)x10°  (1.26+ 0.07)x10?
0.1 (1.08+ 0.05)x10°  (1.51+ 0.02)x10°  (1.45+ 0.07)x10?

Some features are noteworthy in the calculatedtikiparameters given in Table
4.1 and 4.2. Larger increments in the initial satédegradation of isopropanol and
acetone are observed at pH 6.04 and 8.61, resphgtin the presence of indifferent
electrolyte. With respect to the conditions in #tsence of NaClQan increase of
21.0% and 35.5% was noticed in the degradationcaistants of isopropanol §K at
the pH of 6.04 as a result of increasing the iatiength of the suspension to 0.01 and
0.1 M, respectively. At pH 8.61, the gradual irage in ionic strength of the suspension
did not result in a gradual enhancement of tgeualues compared to the data obtained

in the absence of NaClO Only at 0.1 M ionic strength an increment of 86in ksp
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was observed. Meanwhile, the corresponding incnésnia the degradation rate constant
of acetone (kce) at pH 8.61 were 21.2% (at 0.01 M Nagj@nd 39.4% (at 0.1 M
NaClQ,). Compare to pH 8.61, thad¢ values at the pH of 6.04 increased less readily at
0.01 M NaClQ (8.26% increment) but it showed a significant erdesnent at 0.1 M
NaClO, (24.8%).

It is noteworthy that the results obtained for botlour model compounds at pH
4.10 do not show the gradual enhancement in indi@s with increasing ionic strength.
Interestingly, a decrease in reaction rates odoursoth compounds when the ionic
strength is increased to 0.01 M at acidic pH. \Viitther increase in electrolyte
concentration up to 0.1 M an increment of only 8&®&as observed inde with respect
to zero ionic strength. For the case of acetdrekice value remains the same at
conditions of 0.0 and 0.1 M NaCjO

The observations outlined above support our hysuiteat under the right
conditions of pH where both an efficient hydrogemdling to the surface and a suitable
concentration of hydroxyl radicals are presentiar model compounds, the effect of
ionic strength in our photocatalytic systems wdugdobserved. In Chapter 2, our
findings showed that those favorable conditionsuoet relatively neutral and basic pH
(i.e., at pH 6.04 and 8.61). However, what isreséing is that despite the differences in
the increments observed at pH 6.04 and 8.61, thedation rates of isopropanol in the
presence of indifferent electrolyte are fairly damiat these two pH values. Considering
the intervals associated to the calculated unceytaine same observation is derived
from the analysis of the degradation rate constaind€etone under identical

experimental conditions.
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Our proposed model for the hydrogen-bonding adeorutf acetone and
isopropanol to the hydroxylated TiGurface along with the model calculations of
Rodriguez et al. (1996) that describe the effethaieasing ionic strength on the surface
site speciation may explain the observations cedliabove.

According to the multisite model calculations ofdRiguez et al. (1996) at the pH
values of 4.10 and 6.04, the increase in ioniagtiecauses a major contribution of the

positively charged siteTi-OH,?**

to the surface speciation. Due to its acidic abr,
this surface hydroxyl group may bind acetone aongrigpanol, because both of our
model compounds possess hydrogen acceptor capaditis possible that the higher
positive residual charge carried by this bindirtg aidds a strengthening component to
the hydrogen-bonding interaction with our model poemds since there are dipoles
associated to their hydroxyl and carbonyl functigraups. In view of this, a gradual
increase in the degradation rates is expectedimgtieasing ionic strength at conditions
where the pH of the suspension is below thg,pttlie to the enhancement in the
adsorption of our model compounds.

23* surface sites is created with

Despite that a higher fraction aTi-OH,
increasing ionic strength at pH 4.10 than at pHi6tBe effect of changing the
distribution of surface speciation only influendbd degradation rates of our model
compounds at pH 6.04. This is explained by thaitantly lower rate of hydroxyl
radical production at acidic pH in contrast to malutonditions [Sun and Pignatello,
1995]. Without a proper concentration of oxidizepecies to initiate the attack on our

substrates an important component of the photogatalegradation is lacking and the

expected increase in reaction rates is not obsetvphl 4.10.
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The effect of the increase in indifferent electtelgoncentration on the surface
speciation is different at conditions of pH >k According to Rodriguez et al. (1996),
at the alkaline pH of 8.60 used in our experimastthe ionic strength increases the
fraction of the basic and negati#®®* group becomes increasingly important. In terms
of hydrogen-bonding adsorption of our model comptsyithis change in surface site
distribution may only affect the extent of adsaoptpf isopropanol since it is the only
substrate possessing hydrogen donor capacitiese 8ie production of hydroxyl
radicals is faster at alkaline conditions thanmst ether pH, an increase in degradation
rate of isopropanol would be expected with incregsdnic strength at pH 8.60, which is
not observed. As we outlined earlier, the degradatate of isopropanol remained fairly
constant and only a small increase of 6.67% wasrabd in ksp at 0.1 M NaClQ with
respect to the value obtained at zero ionic strengt

The observations for isopropanol can find an exatian on the basis of the
hydrogen-bonding ability of the alcohol. Accorditagreported values of hydrogen-
bonding empirical parameters, isopropanol is aebétgdrogen acceptop't = 0.56;
Abraham, 1993) than a hydrogen dongt £ 0.33; Abraham, 1993). Therefore, we
speculate that the increase in the fraction ofds=®f® sites on the surface does not have
as great of an impact in the adsorption of isopnopas it did the increase of the fraction
of the acidic=Ti-OH,?** surface site at pH 6.04. In consequence, in tefmasisorption,
there seems to be no significant enhancementdpraopanol with increasing ionic
strength compared to the conditions in the absehegectrolyte at the alkaline pH.

For the case of acetone, the gradual increasegiradation rate with increasing

ionic strength is unexpected considering the ldakteraction of this substrate with the

96



basic=0?"* surface site. Therefore, the only possible exatian for the observed trend
is that due to the increasing concentration offfacent electrolyte the electrostatic
repulsion between the negative end of the carbgroglp in acetone and the negatively
charged surface site§i-OHY*and=0%* is lessened. This screening effect of ionic
strength would permit the reaction of unadsorbedae with the adsorbed radicals
(OH" and O") within the thin interfacial double layer vicinal the surface. This
explanation is merely speculative and additionséagch is required to verify its validity.
It is worth mentioning that due to the increaséhim fraction o=0?*" sites on the
surface with increasing ionic strength at pH 8&ajor concentration of Oradicals
may be formed at those conditions [Salvador, 2007/as been previously noted that
both OH and O radicals react with aliphatic organic compoundsuigh hydrogen
abstraction reactions in aqueous solution [NetaSoiuiler, 1975]. Therefore, the
reactivities of these radicals toward our model pounds in the photocatalytic systems
may be relatively similar. In fact, Buxton et @l988) reported that the rate constants for
the reaction of OHand O radicals with isopropanol in homogeneous aquebasgare
k(OH' + ISP) = 1.9 x1OM st and k(O" + ISP) = 1.2 x1dM's™, respectively. In the
revised literature only the value of k(OH ACE) was found and is reported to be 1.3
x10® M™s* [Buxton et al., 1988]. In light of this informatigit is reasonable to speculate
that any enhancement observed in the degradaties edour model compounds at pH
8.61 with increasing ionic strength is mostly doelte effect that the indifferent
electrolyte has in the mode of adsorption of olnssiates (as explained before) and not

on the relative ratio of surface radicals (@®7") formed on the surfacg.

39 Buxton et al. (1988) reported a p¥alue of 11.0 for the acid/base equilibrium
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In order to determine if the changes observedernré¢laction rates of our model
compounds are controlled by the photocatalytic @semccurring on the surface of
titanium dioxide, and not by the direct interactmnisopropanol and acetone with UV
light, a series of experiments in the absence w@iflyst (but keeping the rest of the
conditions identical) were conducted. The caladdtinetic parameters corresponding to
the experimental results of the control solutioresgven in Tables 4.3 and 4.4.

In the absence of catalyst, for example, isopropdegrades under a first-order
reaction in all the range of experimental pH anddsstrength, contrary to the
observations in the Tilaqueous heterogeneous system. For both of ouelmod
compounds, the rates of degradation through tleetdohotolysis pathway show a
tendency to decrease with the increasing concéantraf indifferent electrolyte, which is
in opposition to the trend observed when the degiail reaction is controlled by the
TiO, surface.

The set of results obtained for acetone showsthisubstrate undergoes direct
photolysis through a first-order mechanism as & whserved in the photocatalytic
systems. However, the corresponding calculates r#p) are one order of magnitude
slower than those observed in the Ti@ediated photocatalytic process at conditions of

relatively neutral and alkaline pH, where the mafbect of ionic strength was observed.

OH - O + H
in homogeneous phase. However, the foK this equilibrium on the surface of Ti®as not been
determined. Assuming a similarity between the’ @idical in the solution bulk and the adsorbed OH
radical, less than 10% of the adsorbed hydroxyl radicalslévbe in the unprotonated form; Oat pH
8.61.
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Table4.3. Direct photolysis of isopropanol [(1.630.08) x10° M] as a function of pH
and ionic strength (as NaCJD

NaClO, Koe,1sp (Min™)
Conce(r‘l\;r)a“on’ pH 4.10 pH 6.05 pH 8.62
0.0 (1.1+ 0.1)x10? (7.1+ 0.7)x10° (8.2+ 0.5)x10°
0.01 (1.00+ 0.08)x10? (5.7+ 0.7)x10° (8.7+ 0.6)x10°
0.1 (1.1+ 0.2)x10° (3.3+ 0.3)x10° (7.5+ 0.5)x10°

Table4.4. Direct photolysis of acetone [(1.%30.07) x10° M] as a function of pH and
ionic strength (as NaClp

NaClO, kop, ace (Min™)
Conce(”l\;r)a“on' pH 4.11 pH 6.05 pH 8.62
0.0 (1.1+ 0.2)x10° (7.2+ 0.3)x10° (8.0+ 0.6)x10°
0.01 (1.0+ 0.1)x10? (6.4+ 0.4)x10° (8.1+ 0.7)x10°
0.1 (1.1+ 0.2)x10° (7.8+ 0.4)x10° (4.4+ 0.3)x10°

The results obtained from these control solutidrecetone and isopropanol show
that the direct photolysis mechanism does not audou the values and trends observed
in the fitting parameters obtained for the Ti@hotocatalytic systems under the effect of
indifferent electrolyte (as NaCl{p

In light of these findings, it is reasonable to clode that the changes observed in
the fitted parameters for the photocatalytic systame indeed controlled by the
phenomena occurring at the catalyst surface uhaegffect of ionic strength. More
evidence for direct photolysis not being importandur photocatalytic systems was

given in Chapter 2.
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4.3.2. Effect of ionic strength on the photocatalytic degradation of acetone and
isopropanol in aqueous binary systems.

The influence of ionic strength on the photocatalgiegradation of our model
compounds was examined in aqueous binary systemtgicmg 1:1 ratios of acetone and
isopropanol, under the same experimental conditisesl in the single component
systems. Figures 4.4 - 4.6 illustrate the resaitained in these experiments.

Several common points can be noted in these figuras first point to observe is that,
according to our prediction, under all the expentakconditions the degradation of
isopropanol was predominant over the degradati@cefone. Second, and probably the
most striking observation, is the occurrence dertfon points in the degradation
profiles of isopropanol which seem to simultanepwsicur in the curves describing the
change of acetone concentration in the feOntaining irradiated mixtures. The figures
also showed that the degradation of isopropantiiermixtures seems to follow the same
trends observed for the single component. That faster decrease in isopropanol
concentration over time occurs in the presencadifferent electrolyte at the pH
conditions used in these experiments. In ternte@fcetone profiles, it is observed that
acetone mainly accumulates in the mixtures upeégthints where the inflections occur,
after which a leveling off of acetone concentrafifor example, at pH 6.04 in the
presence of NaClIg), or a sudden decrease followed by further foromeis depicted (for

example, as occurs at pH 4.09 and 8.61 in the pcesef NaCIQ).
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different ionic strengths (as Na(,). Electrolyte concentration: 0.0 M}, 0.01 M @),
0.1 M (a). Open symbols represent results for acetonera@einitial concentration:
[ISP], = (1.51+ 0.02) x1(3, [ACE], = (1.58+ 0.01) x 10* TiO,= 2 g/L.
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Since the inflection points seem to define a chandlke decomposition behavior
of our model compounds in the 1:1 aqueous binargures, the ratios of the
concentrations of isopropanol and acetone ([ISFJEA were calculated at the times
were they occurred in the corresponding curvese Gaiculation of these ratios illustrates
that the inflection points are occurring almostsistently in the range of [ISP)/[ACE] =
0.44 - 0.57.

Further observations would be outlined if a kinetnalysis of the mixtures were
performed. However, it is obvious that the mathirabmodel that was used in the
analysis of individual component systems canndhétdegradation of isopropanol in the
mixtures.

Therefore, in order to have some level of quambitator what is occurring under
the current experimental conditions, we turnecheoknowledge gained in the study of
the degradation of individual compounds presemesiction 4.3.1. The kinetic
parameters obtained from the single componentmgséand the initial concentrations of
isopropanol employed in the mixtures were useceterthine how much our kinetic
model fails to estimate the degradation of isopnopén the binary mixtures. For each
point of the curves, we calculated the differenetveen the concentration of
isopropanol predicted by the model)&nd the average experimental valug{X The
sum of the squares of these “residudf!an be seen as the error of our model to predict

the degradation behavior of isopropanol in the tyisgstem. Therefore, in our

“0 Although from a strict statistic point of view tteeare not residuals, we adopt the term in our aisly
By definition, a residual is the difference betwelea fitted function and the data points [SPSS]Inas
we noted earlier, we are using a function thattfissdegradation of the individual compound whicesl
not necessarily correspond to the best fit fodé@gradation behavior in the binary system.
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subsequent analysis, we will refer to the resulsuch calculation as the “error
function”. The results obtained from this analyais given in Table 4.5.

From the values obtained for the error functioptat4.09 and 6.04, it is evident
that the prediction of the degradation of isoprapam the mixture at each of these pH
conditions incurs more error when the maximum caotre¢ion of electrolyte is used.
Interestingly, at pH 8.61 the major error of thed®looccurred in the mixtures without
electrolyte added.

Table4.5. Calculated error functidtvalues for the prediction of the degradation of

isopropanol on its 1:1 aqueous binary mixtures &thtone in the presence of indifferent
electrolyte (NaClQ).

lonic strength Error function value

(as Ni‘ﬂc'o“)’ pH 4.09 pH 6.04 pH 8.61
0.0 6.92 x10 5.20 x10° 5.08 x10’
0.01 4.15 x10 1.06 x10/ 1.07 x10/
0.1 8.25 x10 1.44 x10/ 1.29 x10/

“See text for definition in our particular case.

It is possible to find an explanation for the réswutlined above on the grounds
of our hydrogen-bonding hypothesis for isopropara acetone, and the analysis on the
effect of ionic strength on the degradation ofitiddvidual compounds. Our first
observation, that is, isopropanol degrading predamtiy in the mixtures, is to be
expected. We already proposed (Chapter 2) thatapanol is able to hydrogen-bond
more readily to the surface than acetone, bechisaltohol is both a hydrogen donor
(o = 0.33; Abraham, 1993) and a hydrogen accepto=(0.56; Abraham, 1993)
compound. These properties allow its interactiah Wwoth acidic and basic surface sites

present in TiQall the range of experimental pH. Since acetaskd of hydrogen donor
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abilities and possesses a hydrogen acceptor capaith weaker than isopropanp!' (=
0.49; Abraham, 1993), it will be out competed by #icohol for degradation at the
surface. However, it is plausible that the degiiadaof acetone only occurs when an
appreciable concentration of isopropanol is alredetyraded in the mixtures.

This last supposition leads us to our next obseEmathe presence of inflection
points in the concentration profiles of our modainpounds obtained during 15 minutes
of irradiation. We attribute the appearance o¢hehanges to the starting point of a
more favorable competition of acetone with isoprapdor binding sites and hydroxyl
radicals on the Ti@surface. As we already noted, this effect casd®sn as a leveling
off of acetone concentration (e.g., as occurs aéji4) or a decrease followed by further
formation (e.g., as occurs at pH 4.09 and 8.61).

The leveling off of acetone concentration during tfteatment process at
conditions of pH 6.04 and in the presence of ebégtie suggests that the degradation of
acetone occurs to a great extent to compete wgitloimation through the oxidation of
the alcohol. At the pH of 4.09 and 8.61 (at ad tbnic strength values used), although
the competitive degradation of acetone clearlyciféhe photocatalytic oxidation of
isopropanol, it does not completely offset thisgess and further acetone production is
observed after the inflection point. In supportto$ view are our previous findings
showing that the degradation of acetone as indalidampound occurs at faster rates at
relatively neutral pH, and it undergoes furtheramtement with increasing ionic strength
(the explanation of these findings was given intisact.3.1). Therefore, for the
mixtures, it is reasonable to suggest that a betterpetition of acetone toward the

predominant degradation of isopropanol on Jli@uld occur at conditions were the
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ketone (as individual compound) degraded with fasttes, as our results seem to
demonstrate.

We must note, however, that this Ti®ediated competition is obviously
conditioned to a proper ratio of isopropanol anetace concentrations. We found that
these ratios fall between 0.44 — 0.57 in our birsystems. These numbers may suggest
that almost half of the initial concentration absopanol has to degrade in order to
observe a change in the degradation profiles tlagtindicate the competition between
the model compounds for degradation on the, B@face. However, more studies using
a molar ratio 2:1 for acetone-isopropanol mixtwesild be necessary to understand the
chemical implications of this range.

Similarly, the values obtained for the error funatican be interpreted on the basis
of the knowledge gained from the single compongsitesns under the effect of pH and
ionic strength. Using this previous informatiomsijpossible to explain why at relative
alkaline conditions (pH 8.61) the higher errorhe prediction of isopropanol
degradation occurs in the absence of electrolyés€Qd), while at pH 6.04 the larger
value of the error function is obtained in the pres of 0.1 M NaCl@(Case II). In
Case |, the alkaline pH created the best conditionthe adsorption of isopropanol on
the surface and its subsequent reaction with hydiraxlicals (as explained in Chapter 2).
However, these conditions are not favorable fot@wmedegradation due to its restricted
adsorption to a surface with a predominant basacattter. As the degradation of
isopropanol progresses, more acetone accumulatiee mixtures and the critical
[ISP]/[ACE] ratio is reached. At this point, thecamulation of acetone degrading at a

slow rate affects the photodegradation of isopropaifihis supposition can be
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substantiated by observing Figure 4.7. This figlrews that the model predicts fairly
well the degradation of isopropanol during thetfirénutes of irradiation, but then the
values of the residuals greatly increase afteotwirrence of the inflection point. This
results in a larger contribution to the value @ ¢ror function. In addition, when the
increasing concentration of electrolyte enhanceglggradation of acetone at the relative
alkaline pH, the value of the error function dingimes with respect to zero ionic strength.

In Case I, the picture is a little different. Adlatively neutral pH the degradation
of acetone alone is favored by the acidic charasftére surface sites and the compound
may react with hydroxyl radicals, which are stilthed at an appreciable rate at neutral
conditions [Sun and Pignatello, 1995]. Therefatthough isopropanol continues to
degrade predominantly at pH 6.04 in the absen®a@fiQ,, the presence of acetone
constitutes a competition factor that was inexisterthe single component system. This
may explain why early in the treatment the modes @ predict the degradation of
isopropanol at pH 6.04 in contrast to 8.61, as showFigure 4.8A in the absence of
electrolyte. However, the effect on the residislisot as pronounced as it was at alkaline
pH because acetone degrades more fairly at pH 6Mth the addition of indifferent
electrolyte, the value of the error function in@es due to increasing concentration of
acetone degradation on the surface, as confirmekeblevel off of the acetone

concentration profiles after the inflection points.
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Figure4.7. Comparison of isopropanol photodegradation iditsaqueous binary
mixtures with acetone and the fitting model forpgtotooxidation as a single component
at the initial pH 8.61 and in the presence of ifeddnt electrolyte (as NaClp (A) 0.0 M
NaClQy, (B) 0.01 M NaClIQ, (C) 0.1 M NaClQ. Conditions are identical to Figure 4.6.
The markers indicate the experimental data. Tisaethlines indicate the model for
isopropanol degradation as a single componentt{kiparameters for this model were
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To summarize this subsection, our results sugpeasir the 1:1 aqueous binary
mixtures the presence of acetone influences theadation of isopropanol on the TiO
catalyst at all conditions of pH and ionic strength evidenced by the appearance of
inflection points in the concentration profilesowever, the magnitude of the error in the
prediction of the photodegradation of isopropandhie binary system largely depends
on the capabilities of acetone to degrade at thigcpkar conditions of the experiment. In
a reaction medium where the conditions are givemfilavorable degradation of acetone
the error in the prediction of isopropanol degramtats not as large as in the case where

acetone mainly accumulates and degrades slowly.
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Figure 4.8. Comparison of isopropanol photodegradation idilsaqueous binary
mixtures with acetone and the fitting model forpgtotooxidation as a single component
at the initial pH 6.04 and in the presence of ifedldnt electrolyte (as NaClp (A) 0.0 M
NaClQy, (B) 0.01 M NaClIQ, (C) 0.1 M NaClIQ. Conditions are identical to Figure 4.5.
The markers indicate the experimental data. Tisaethlines indicate the model for
isopropanol degradation as a single componentt{kiparameters for this model were
given in Table 4.1).
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4.3.3. Effect of ionic strength on the photocatal ytic degradation of dimethylsulfoxidein
aqueous solutions.

As we mentioned earlier, we chose dimethylsulfoX@®SO) to test our
hydrogen-bonding hypothesis using the same expatahapproach employed for our
previous model compounds. According to publishaldes of hydrogen-bonding
empirical parameters [Abraham, 1993], DMSO hasnatianal group that exhibits
hydrogen acceptor capabilities that differ fromsh@bserved for isopropanol and
acetone. This property is important in order teedaine if a ranking of competitiveness
for TiO,-photodegradation of small polar organic compowalsbe constructed based
upon their hydrogen-bonding capacities. Thesegitgs are summarized and compared
in Table 4.6. It is worth noting that to ensurattthe differences in photodegradation
rates among the studied model compounds are nuhstlyo their differences in
adsorption abilities to the Tyurface through hydrogen-bonding interactionsliivel
model compound must have a rate constant for #etiom with hydroxyl radicals
comparable to those reported for isopropanol aetbae. DMSO meets this condition
(see Table 4.6).

Table4.6. Hydrogen-bonding empirical parameters and secoder homogeneous rate

constant for the reaction of hydroxyl radicals wathall polar organic compounds used
as model substrates.

Solute (M) Hydrogen-bond Hydrogen-bond k(OH® + M)®,
acidity (a")? basicity (B™)? Mgt
Acetone 0.04 0.49 1.3x 10
Isopropanol 0.33 0.56 1.9 x10
Dimethylsulfoxide 0.00 0.88 6.6 x 10

3 Abraham, 1993 Buxton et al., 1988.

112



Following the experimental approach used for ispprml and acetone, in this
section we investigated the effect of ionic stran@1 M NaClQ) on the TiQ-mediated
photocatalytic degradation of dimethylsulfoxiddur8es without electrolyte added were
prepared in order to obtain a reference point tapare the results obtained in the
presence of 0.1 M NaClO Control solutions (without Ti§) were also analyzed to
determine if direct photolysis is an important patliegradation of DMSO under some
of the experimental conditions used in the photdgat systems. The results of the
photocatalytic studies are presented in Figurdat.@vhich the calculated kinetic
parameters are given in Table 4.7. The result@iodd from the control solutions are
presented as insets.

Table4.7. Effect of ionic strength and pH on the initiales of dimethylsulfoxide
(kpmso) degradation in UV-irradiated Tg&uspensions.

lonic Komso (Min™)
strength
(asNaCl0,) pH 4.13 pH 6.04 pH 8.61 pH 9.54
M
0.0 (5.5+ 0.1)x10? (4.6 0.3)x10°  (3.8+0.2)x10*  (4.9+ 0.2)x10°
0.1 (4.24+ 0.04)x10F  (4.2+0.3)x10° (3.6 0.1)x10? (5.6+ 0.3)x10°
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pH conditions are given in the legends. Photogatatonditions: 2 g/L TiG, (1.42+
0.08) x10° M average DMSO concentration. Results from corgodlitions (withou
TiO,) are given in the insets for comparis
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A comparison of the profiles and kinetic parametdtained at the different pH
conditions shows that the expected effect of istiength on the reaction rates of DMSO
did not occur. At the initial pH of 4.13 the inas® in ionic strength from zero to 0.1 M
caused a decrease in the degradation rate of DM&(& at pH 6.04 and 8.61 the
degradation rates remain fairly similar disregagdh the increase in the ionic strength of
the solutions. Only at the initial pH of 9.54 tepected trend is observed and the
degradation rate of DMSO is faster in the preseafaedifferent electrolyte. However,
as Figure 4.9 shows, this trend is not occurrimgughout the entire treatment.

It is evident that our hydrogen-bonding hypothesid the multisite model cannot
explain the trends outlined above and, therefoeeneed to find a suitable explanation on
the grounds of other factor that may have beenamaated in order to explain the
unexpected results.

To the best of our knowledge, there is only on@repn the TiQ photocatalytic
degradation of DMSO. In this study, Mori et al0(B) found that the photocatalytic
oxidative pathway of DMSO with hydroxyl radicalsagueous phase produces methane
sulfinic acid (MSI). We believe that although gtedy of initial rates of DMSO
degradation may prevent a considerable accumulatitdSI in the slurries its
dissociation (pK = 2; Mori et al., 2006) causes the confusing effépH and the
concomitant problem of having a charged specigisarreacting system. Therefore, we
speculate that the observed change in degraddtibM80O with varying ionic strength
at a given pH condition is influenced by the paladidsorption and degradation of its

photooxidation product on the TiGurface.
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From studies on the Tgmediated photocatalytic degradation of chargedispe
[Brown and Darwent, 1985] it is known that at pHhdaions that cause the electrostatic
repulsion between the ionic substrate and the eldargO, surface, the rate of
degradation of the former is accelerated by a loglt strength due to a kinetic salt
effect. Conversely, at pH conditions where elestatic attraction occurs the opposite
effect is observed. Applying this rationale to #usorption and degradation of MSI at
the TiG, surface it is possible to explain the results ckepi in Figure 4.9 as follows.

At the initial acidic pH of 4.13, the TiGsurface is positively charged (pH < pH
of TiO,) and electrostatic attractions favor the adsonpéind degradation of the
photooxidation product of DMSO, methane sulfinidadHowever, under the addition of
NaClQy, it is likely that the ionic strength of the sotut slows down the
photodegradation of the MSnion, thus increasing the competition for actites and
inducing the slow decomposition of the startinggesd (DMSO). Conversely, at the
initial alkaline pH of 9.54, the charged byprodischot adsorbed due to electrostatic
repulsion forces created with the negatively chdrg€. surface. Although the increase
in ionic strength from zero to 0.1 M (as NaG)@ay be lessening this repulsion, the
degradation of the uncharged DMSO molecules isqmaaant due to reduction in the
competition for active sites with its byproducthéFefore, as a result of the combined
effect of alkaline pH and ionic strength the degtaxh rate of DMSO increases with the
addition of the indifferent electrolyte. This toeoccurs up to a pointi(12 min) where
the confusing effect of pH favors the adsorptioM&1 again, causing the reversed trend

to start showing.
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Although the expected influence of ionic strengthtloe degradation rate of
DMSO occurs at pH 9.54, the results alone cannm@t our hydrogen-bonding
hypothesis. According to the multisite model [Rgdez et al., 1996] a higher fraction of
=0?" surface sites is created on the surface of, Wiith an increase in ionic strength at
alkaline conditions (pH > pig. of TiO,). In a similar fashion as acetone, it is possible
that the screening effect of the electrolyte all@nsetter approach of the negative end of
the sulfinyl group in DMSO to the negatively chatgairface. In this way, DMSO reacts
more readily with adsorbed radicals (O&hd O°) within the thin interfacial double layer
vicinal to the TiQ surface and its rate of degradation is enhanced.

However, it is noteworthy that despite the negaitwpact that the charged
byproduct MS1may have on DMSO degradation behavior, the detjradeates of
DMSO are faster than those observed for acetoaryabf the experimental conditions
used in our experiments. This may be relatedadotiiter hydrogen acceptor capacity of
the sulfinyl functional group in DMSO compared be tcarbonyl group in acetone (see
Table 4.4). From the results obtained with thetmdrsolutions (no TiQ@ present), it was
demonstrated that those rates obtained from thiy stithe DMSO photocatalytic
systems are controlled by the reaction with the, B@face since the direct photolysis
pathway does not seem to have a comparable cormbritito DMSO decomposition
under similar experimental conditions (see insefSigure 4.9).

It is important to mention at this point that aretfactor could be responsible for
the unexpected results obtained for the degradafi@MSO under the joint effect of pH
and ionic strength. It has been recognized irptst that DMSO is capable of acting as

ambidentate ligand coordinating to specific metaseither oxygen or sulfur [Davies,
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1981; Krishnan and Patel, 1964]. Due to the teageh DMSO to complex with metal
ions the possibility that dimethylsulfoxide partiates in ligand exchange reactions with
singly coordinated hydroxyl groups at the Ji€irface should also be considered.

On this respect, it is possible that O-bonding widaé preferential in the
chemisorption of DMSO on the TiBurface since titanium has a strong affinity for
oxygen [McMurry, 1974]. In support of this supgami is the report [Krishnan and
Patel, 1974] on the preparation and characterizatiditanyl complexes of the type
[TIOBDMSO][CIO4].. Infrared studies of these complexes implies @diagy [Krishnan
and Patel, 1974].

In light of the above, the observed trend in thgrddation rate of DMSO with
changes in pH from 4.13 to 8.61 can be consistéhttive assumption of chemisorption
to the TiQ surface through O-bonding with the titanium cemiteFhe S=0O bond in
DMSO is polarized and, therefore, the oxygen atami€s a negative charge. With the
decrease in positive charge on the J#0rface as pH increases from 4.13 to 8.61, the
affinity of DMSO for the TiQ surface diminishes thereby slowing down its
photodegradation. Similarly, the noted ionic sfgtardependence on the degradation rate
of DMSO at pH 4.13 may be viewed as a consequeintte screening effect of the
indifferent electrolyte on the formation of the afisorbed complex. However, the
observed increase in degradation rate of DMSO wthesolution pH varies from 8.61 to
9.54 is not consistent with this chemisorption mMadsumption.

Although to the best of our knowledge there arsysiematic studies on the
adsorption of DMSO on Ti@in contact with its aqueous solution, Mori et(2006)

pointed out that adsorption of DMSO to the Tiihotocatalyst was not observed during
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over 10 hours in the dark. In our photocatalyjistems the intended concentration of
DMSO in the slurries was 1.5 x20. After an equilibration period of 12 hours unde
the dark the gas chromatographic analysis of titi@liconcentration of DMSO in our
photocatalytic systems was in average (%4208) x10° M.

Although more studies would be necessary to corlyleliscard the
chemisorption of DMSO to the Ti&urface, the results obtained in our experimergts a
more consistent with our initial supposition of ttenfusing effects of MSI on the
degradation of the parent compound.

To summarize this section, our results for thedthmodel compound, DMSO, are
not enough to support or negate our hypothesiddribgen-bonding interactions with
surface hydroxyl groups play an important roleha adsorption and degradation of small
polar organic compounds in T#agueous systems. Similarly, our results do nlet out
the possibility of constructing a relative rankimigcompetitiveness for degradation of
such compounds at the Ti®urface based on hydrogen-bonding capabilitiebati@ur
findings show is that in order to succeed in thestauction of this ranking of degradation
we must consider other factors that may obscursuhface phenomena related to
hydrogen-bonding interactions of small polar orgasimpounds with surface hydroxyl
sites. In the case of DMSO, the nature of its ptiegjradation product forbids the
observation of the trends merely associated tdhyleogen-bonding of DMSO to the

catalyst surface as result of changes in watempetexs.
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4.4. Conclusions

In this chapter we have obtained further evideheg supports our hypothesis that
hydrogen-bonding interactions play an importang ialthe photocatalytic degradation of
small polar organic compounds. Our experimental@gch consisted in using the joint
effect of pH and ionic strength on the TiGurface speciation to determine if the
degradation rates of small polar organic compouwdse susceptible to changes in
acid/base equilibria of the two types of surfacdrbyyl groups.

Our results showed that there is a good correldtemeen the enhancement in
the reaction rates of acetone and isopropanol badiricrease in the acidic or basic
character of the surface speciation as ionic stheafythe slurries increased. Therefore,
our findings cast doubt in the conception thatrdection between uncharged species and
the TiG, surface are unaffected by changes in ionic streofjthe aqueous solution.

The results obtained from the study of aqueoudbittdry mixtures of acetone and
isopropanol also brought support to our hydrogemdbmy hypothesis. Isopropanol, the
substrate bearing better hydrogen-bonding capacitiegraded predominantly in the
binary system. However, at appropriate relativencemtrations in the mixture
([1SP)/[ACE] = 0.44-0.57) the competition of acetofor surface sites was evidenced. It
was observed in the mixtures that the experimeasgatlitions where acetone competed
more favorably against its further formation throufpe photooxidation of isopropanol
coincided with those where acetone degraded fasterdividual compound.

Finally, the study of a third model compound, DMSdJ not offer clear cut
evidence to support or negate our hydrogen-bondympthesis due to the confusing

effects caused by its charged byproduct in the quadalytic reaction system. These
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results do not rule out, however, the possibilitgtta relative ranking of competitiveness
for degradation at the Tgurface of small polar organic compounds can stcocted
on the basis of their hydrogen-bonding capabilitigsorder to succeed in this task, using
the experimental approach employed in this stualstofs that obscure the observation of
trends associated to the effect of water parameterthe hydrogen-bonding of model
compounds with the surface hydroxyl groups musda\zeded.

For example, due to the nature of hydrogen-bonditeractions, other forms of
association to the TiOsurface (i.e., electrostatic and inner sphereracte®ons) in the
photocatalytic reaction medium must be completdigeat or reduced to a minimum.
This will not always be easy to attain since sdve@mpounds that are suitable
candidates on the basis of their hydrogen-bondapailities (i.e., amides, amines, and
carboxylic acids) possess proton related speciaimior produce inorganic anions or
ionizable organic intermediates during UV/Ei@eatment. Therefore, the construction
of a ranking of degradation at the Ti€urface on the basis of hydrogen-bonding abilities
of small polar organic compounds may be limitedfunctionalities such as alcohols,

ketones, and aldehydes.
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CHAPTER S

Recommendations for future work

Further test our hypothesis that the initial ratesopropanol and acetone oxidation
are proportional to the extent of their adsorptimmough hydrogen-bonding with
hydroxyl groups on the Ti{surface by adopting Langmuir-Hinshelwood (L-H)
kinetics. According to the L-H model, the observadation in the initial rate of loss
of organic (-r), with initial organic concentratid@,) is described by the kinetic
equation [Matthews, 1988]:

dC  kiu Kin Co
_rO = e — =

X B Co (5.1)
dt 1+KigCo

Where ky and Ky are the apparent reaction rate and adsorptiortanassunder
illumination for the organic solute, respectively,  is also known as the
photoadsorption equilibrium constant. In ordeestimate the parameters in
Equation 5.1, a series of concentration-time rarsle made using different initial
conditions of G, pH, and ionic strength (as NaG)dor each of our model
compounds. The data sets for each solute caratt by the method of least-
squares assuming that the data is described bytiBqial. The calculated
parameters, l and K, obtained for each set of experimental conditicans be
evaluated on the grounds of the multisite modehefTiO, surface. Ky values

would give an estimation of the effects that changesurface speciation have on the

adsorption of our model compounds.
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» Since bicarbonate and carbonate anions may compst@ur model compounds for
adsorption to the Ti@surface through hydrogen-bonding with the hydraygups,
the quantitation of this adsorption competitiorour photocatalytic systems can be
determined by adopting the extended form of the éedation for the initial rate of
degradation of the organic substrate given in Hqnd&.2 [Chen et al., 1997].

dC Kaee Kru Co -
d=- — = deg MLH (5.2)
dt 1 +Kig Co + KG;

Where kg4 is the rate constant, K is the adsorption constant of the reactant of
concentration €and K is the adsorption constant of an added anion io&atration

Ci. Equation 5.2 can be written in the linear fo@hén et al., 1997]:

-y = [1 +KigCo + KiCi] (53)

" Kaeg Kint Co
According to Equation 5.3, the values of the adsomnpconstants Kfor carbonate
and bicarbonate anions can be determined from pfdt4, vs. G at constant &

(values of adsorption constants of our model compgewbtained in the previous

proposed experimental work can be used and optthinél best fits are obtained).

» Study the photocatalytic degradation of isopropamdhe presence of inert
electrolytes other than NaCJ@n order to investigate the effect of differenticas
and anions. According to the electric double layedel, the distance (d) between
theo, andog planes (Figure 1.2) depends on the nature ofdbaterions and
therefore one would expect a characteristic capacg (C) value for the Stern layer
for each case [Bourikas et al., 2001; Davis etl&l78]. With changes in the C value,

the concentration of highly charged surface grdips =Ti-OH,*** and=0**

123



groups at pH values below and above the,pbf TiO,, respectively) varies and may
affect the adsorption and degradation of the mahbelhol. Reported intrinsic
equilibrium constants for the counterion assocratiath the surface hydroxyl groups
(i.e., equilibrium constants for the ion-pairs) ktbbe used to determined suitable

cations and anions to test this hypothesis.

Study the Ti@-mediated photocatalytic degradation of isopropamal acetone in
their binary mixtures containing a molar ratio [|$RCE] = 0.5 under the effect of
ionic strength. In Chapter 4, our experimentahdatowed that this ratio seems to be
critical for the competition of acetone with isopamol for the binding sites on the
TiO, surface. This study may give more insight ondiemical implications of these

relative concentrations in reference to our hydmegending hypothesis.

Study the effect of Ti@surface fluorination (F-Tig) on the photocatalytic
degradation of isopropanol and acetone in ordenestigate how the modification
in TiO, surface hydroxyl groups and their related phena@nadfect their
decomposition. This study would give more insightour proposed model of
hydrogen-bonding between our model compounds andutface hydroxyl groups,
since in the acidic pH region the dominant surfgpecies=Ti-OH,?" is replaced by
the fluoride anion due to a complexation reactio®9% completion at pH 3-4)
[Mrowetz and Selli, 2005; Park and Choi, 2004].isTdkecrease in Brénsted acidity

on the F-TiQ at acidic pH and the concomitant reduction of fpasicharge on the

surface due to the fluoride adsorption are accomegdsy an enhancement in
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hydroxyl radical production, as determined by spapping techniques (valence
band holes do not react with adsorb&dMorwetz and Selli, 2005]. These fluoride-
induced modifications make the surface propertids 6O, very different from

those on native Ti@in acidic aqueous medium. Therefore, it will beeresting to
determine if the degradation of our model compousddfected by these changes in

surface speciation, in accord to our hydrogen-hamdiypothesis.
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APPENDIX A

Oxygen sensor system *

FOXY Oxygen Sensor System components

The FOXY Fiber Optic Sensor spectrophotometricesysfor oxygen sensing consists of

these key components:

1. Afiber optic fluorescence probe in which the agtimaterial is a fluorescent

ruthenium organic complex immobilized in a sub-morcthin-glass film. The
FOXY-18G-AF consist of a 30am optical fiber housed in a 18-gauge stainlesd stee
needle probe (1.27 mm diameter, 90 mm length dippénetrating vial septa.

. A bifurcated optical fiber assembly with splice bung that connects the fluorescence
probe to the spectrometer and the LED.

. Afiber optic spectrometer configured for fluoresce. The USB4000-FL-450
spectrometer has the advantage of plugging dire@titythe USB port of a computer.

. An excitation source. The LS-450 Blue LED pulsigtit source excites at 475 nm
and is integrated with the spectrometer.

. A platinum 100 ohm resistance temperature devi@&BAUS-450-TP16) to monitor
the temperature of the sensing environment. Thigu@e needle type RTD connects
to the USB-LS-450 light source via a circular 4-pomnector.

. The Oxygen Sensor Operating Software (OOISensors).

*I Ocean Optics. Software, Manuals & Technical Rezeair Dunedin, FL, USA. April 2006, Volume 4.
CD-ROM.
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How the FOXY Oxygen Sensor System works

The FOXY fiber optic oxygen sensor uses a fluoreseanethod to measure the

partial pressure of dissolved or gaseous oxygen:

1.

2.

The pulsed blue LED sends light (at ~475 nm) to legeof a bifurcated optical fiber.
The optical fiber carries the light to the FOXY beo The distal end of the probe tip
consists of a ruthenium complex trapped in a tayet of a sol-gel matrix. This
immobilizes the ruthenium complex and protectsatrf water.

The light from the LED excites the ruthenium conxpde the probe tip.

The excited ruthenium complex fluoresces, emiténgrgy at ~600 nm.

If the excited ruthenium complex encounters an erygnolecule the excess energy is
transferred to the oxygen molecule in a non-radietiiansfer, decreasing or
guenching the fluorescence signal. The degre@@hching correlates to the level of
oxygen concentration or to oxygen partial presgutie film, which is in dynamic
equilibrium with oxygen in the sample.

The fluorescence is collected by the probe andexhthrough the optical fiber to the
spectrometer via the other leg of the bifurcateticapfiber. The fluorescence
intensity is measured and related to the oxygereammnation through a second order

polynomial algorithm:
Io
1= 1 + K1[0] + K2[0]?

Where } is the intensity of fluorescence at zero presstigxygen, | is the intensity
of fluorescence at a pressyref oxygen, K is the first coefficient, and Ks the

second coefficient.
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Oxygen Sensor System oper ation: Calibration of the oxygen sensor with factory
calibration and DO measurements.

Perform the steps below to calibrate the oxyges@eior temperature compensation
using the factory calibration file (0-46, 0-40 mg/L DO, Ocean Optics, Cat. FOXY-

CAL). This file must be saved from the floppy digko the computer before proceeding.

1. Double click on OOIBase 32 to open it. Check & tletector is acquiring data,
which is shown as a continuous red baseline.

2. Open OOISensors software.

3. SelectContinuous in the scan control and turn the switahin the main display
window. Paosition the cursor in the 600 nm peake FOXY and temperature probes
must be in the 0% oxygen standard (i.e., nitroges) g

4. Set the integration time for the calibration praoed For the USB4000 spectrometer
use an integration time such that the fluorescereed does not exceed 50000 counts.
Set the integration time to powers of two to ensucenstant number of LED pulses
during the integration time.

5. SelectCalibrate | Oxygen, Multiple temperature from the menu bar. Thdultiple
Temperature Calibration screen appears.

6. SelectFile| Open Calibration Table from the menu bar. The name of the file of the
in-house calibration for the FOXY system correspotadthe serial number of the
probe that you are calibrating (file name: G132, fiath: My Computer/Local disk
C/Program files/Ocean optics). Once the file isrm, theCalibration Table on the

screen should be populated with oxygen concentratmounts and temperatures.

148



7. Select the gree@urve Fit button. Graphs displaying the curves appeararbtittom
of the dialog box.

8. Click the greerdpdate Channel Calibration button to save information from this
calibration procedure.

9. SelectFile| Close from the menu bar to return to the main displaydeiv.

10. SelectCalibrate | Oxygen, Single Temperatur e from the menu bar.

11.Click on theCalibration Type drop-down menu and selé&single Point.

12.Click on theCurve Fitting drop-down menu and seleés¢cond Order Polynomial.

13. Enter the known oxygen concentration of your stashd@derConcentration.

14.Change the switch in thEeemp Compensation section of the&single Temperature
Calibration screen tores. The reading from the temperature probe will @ppk
not, selecAction | Sample Temperature from the menu bar in th&ingle
Temperature Calibration screen.

15. Leave the oxygen probe in the standard for at Basinutes. This guarantees
equilibrium.

16.Place the cursor in tHatensity box.

17.Click the greerScan Standard button or selecBpectrometer | Scan Standard from
the menu bar. Enable the optio&aintinuous function, located to the right of the
Scan Standard button, to allow continuous intensity values of gi@ndard. To use
this function check th€ontinuous box.

18.0nce you click the green Scan Standard buttond &canning button appears.
Watch the values in the Intensity column. Whemelappears to be no changes in

this value, select the read Scanning button todbe intensity value.
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19.To finalize the calibration, click the gre@urve Fit button. A graph displaying the
results of your calibration procedure appears énabttom of the screen.

20. Save the calibration table for future use. Setele| Save Calibration Table from
the menu bar.

21.SelectFile | Close from the menu bar to return to the main displaydwin.

22.To start taking DO measurements of your sampletinise FOXY and temperature

probes in your vial. The readings will appeartia tmain display window.
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APPENDIX B

A fitting program for the calculation of initial degradation rates

The photodegradation modeling of small polar orgaoimpounds used in our
study was performed using a program written in Mathtica 5.2° where the
experimental data was related to mechanistic masgisessed as the integrated rate
equations for a zero- and first-order reactiorhef differential equation 2.4. A least-
square analysis was used to determine the bestdithe rate constant. Estimates of the
uncertainty in the fitted rate constants were doged on the latest approach
recommended by the International Committee for \WMsigand Measures (CIPM) as
described by Husain and An-Nahdi (208b) According to this approach, the
uncertaintyuc(y) of a measurement result (or estimate)f(xy, X, ..., %) of the
measurand = f(Xy, X, ..., X)) is the positive square root of the estimated waga (y)

obtained from the following equation:

N N-1 N
u2(y) = Ea F/0x)u2(x) + 222(0 F£/0%) (3f /x)u(x,x)
i=1 i=1 j=i+1
whereu(x) is the standard uncertainty associated with thatiestimates, andu(x,x) is
the estimated covariance associated wiindx;. This equation is solved by a matrix

method.

2 This program was written by Eduardo Martinez-Pedr&h.D. in collaboration with the author.
*3Husain, R.; An-Nahdi, K. A. Uncertainty calculat®in a measurement standards laborafmyc. Natl,
Sci. Counc2000, 24, 210-215.
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INPUT DATA SPECIFICATION

expTIME  List of experimental times

Cn List of concentrations determined from replicdtaseach experimental
time

VARIABLES

expTIME List of experimental times

numberT Number of experimental times

expC List of average experimental concentrations

stdC List of standard deviations for the experirmkabncentrations

AO Initial concentration

bestkl Best rate constant value for first-ordectiea model

fittingl Fitting evaluation for bestk1

bestkO Best rate constant value for zero-ordetticmamodel

fitting0 Fitting evaluation for bestkO

STANDARD PACKAGES

<<Graphics MultipleListPlot This loads the MultgllistPlot package which
provides a way to plot several lists of data on
the same graph.

<<Statistics MultiDescriptiveStatistics This loads the MultidescriptiveStatistics. The
functions in this package compute descriptive
statistics of data arranged in a (n x p) data
matrix.

TEST CASE

To exemplify program operation, we analyze the ptiegjradation data of isopropanol
under the effect of pH 4.10. The program codevisrgbelow.

TEST RUN
Experimental data
expTIME={0,2,4,6,8,10,12,15},

c1={0.001613881, 0.001626577, 0.001607470, 0.0098a4
c2={0.001474046, 0.001478118, 0.001461148, 0.001389
¢3={0.001393964, 0.001395667, 0.001379502, 0.002438
c4={0.001283007, 0.001273236, 0.001161319, 0.003464
¢5={0.001139239, 0.001128400, 0.001140911, 0.00963K
¢6={0.000970930, 0.000974630, 0.000983719, 0.000488
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c7={0.000852649, 0.000848282, 0.000878894, 0.00683%
¢8={0.000682760, 0.000683766, 0.000704979, 0.0007183

numberT=Length[expTIME];
expCData={c1, c2, c3, c4, c5, c6, c7, c8};

Statistic analysis

<<Graphics MultipleListPlot
<<Statistics MultiDescriptiveStatistics

Transpose[expCData] //MatrixForm
Output =

0.00161388 0.00147405 0.00139396 0.00128301 0.00113924 0.00097093 0.000852649 0.00068276

0. 00162658 0.00147812 0.00139567 0.00127324 0.0011284 0.00097463 0.000848282 0. 000683766
0.00160747 0.00146115 0.0013795 0.00116132 0.00114091 0.000983719 0.000878894 0.000704979
0. 001615 0.00146914 0.00143325 0.00116454 0.00113797 0.000988148 0.000845495 0.000713077

expC=Mean[Transpose[expCData]]
output = {0.00161573, 0.00147061, 0.00140059, 2Q0%3, 0.00113663, 0.000979357,
0.00085633, 0.000696146}

stdC=StandardDeviation[Transpose[expCDatal]
output = {7.95493x18, 7.30005x10, 2.29438x10, 6.66386x10, 5.61723x10,
7.95126x10, 1.53281x10, 1.52439x10}

CovMatrix=Table[ Covariance[expCData][[i]], expCDgfhl, {i, numberT},{j,
numberT}];

CovMatrix//MatrixForm

Output =

6.32809x101  5.14409x101  3.63564x10°1  3.28787x10°10  _4.34796x101 -2.60583x10711 -8.63054x1011 -6.49744x10 1
5.14409x 10" 53200810  3.05787x101  4.17686x10°  -3.1768x10!  -3.9553x10°%  -9.02079x10' -8.24812x10°!
3.63564x101  3.05787x10M1  5.26419x100  _4,17737x1010 _7.77409x1072 9.14005x10  -2.55216x10%0 1.7209x1010
3.28787x10%0  4,17686x10710  _4.17737x1010 4.44071x10°  -1.9974x100  _5.08707x10° _4.6118x101° _9.86598x 1010
-4.34796x 1011 _3.1768x1011  _7.77409x1012 _1.9974x10%0  3.15532x101  1.57873x10  4.62399x10 4. 24827x 101t
-2.60583x 1011 -3,9553x1011  9.14005x10  -5.08707x1010 1.57873x101  6.32225x101  2.40788x10 !  1.19565x 10710
-8.63054x 1011 -9,02079x10 -2.55216x100 _4.6118x100  4.62399x101  2.40788x101  2.3495x100 5, 49228x 101t
-6.49744x 101t _8.24812x101 1.7209x10°  -9.86598x10710 4.24827x10  1.19565x10°° 5 49228x10 2, 32377x10710

Rate Constant Calculation for first-order reaction (n=1)
mink1=0;

maxk1=1;

maxAO0=expC[[1]]+stdC[[1]];
minAO0=expC|[[1]]-stdCJ[[1]];

modelC [t_, k_, AO_] := AOE
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errorfunction[k_]:=Sum[
(expCl[i]] - modelC[ expTIME[[i]], k, expCI[[1]] )2, {i, 1, numberT} ]

calculation=NMinimize[{errorfunction[k], mink¥ k 00k < maxk1 }, {k},
AccuracyGoal- Infinity, PrecisionGoal- Infinity, MaxIterations— 500]
output = {1.49662x18, {k — 0.0500537}}

fittingl=calculation[[1]]
output = 1.49662x10

bestk1=k/.calculation[[2]]
output = 0.0500537

ExpData=Table[{expTIME[[i]],expCI[i]]},{i,1,numberT];

ModelDatal=Table[{expTIME][i]], modelC[expTIME[[i]Joestk1,
expC[[1]]1},{i,1,numberT}];

Uncertainty of Rate Constant Calculation for first-order reaction (n=1)

KErrorfunction[k_, A_]:=Sum|[(A[[t]]-modelC[expTIMHEL]], k, A[[1]] D*2 .{t, 1,
numberT} ]

KFunction1[A ]:=k/.NMinimize[{KErrorfunction[k,A], mink1< k O0k< maxkl }, {k},
AccuracyGoal Infinity, PrecisionGoal Infinity , MaxIterations- 500][[2]]

bestk=KFunction1[expC]
output = 0.0500537

EE=IdentityMatrix[numberT];

GradKFunction=Table[(KFunction1[expC+ 0.0000000D®E[[i]] ]-
bestk)/0.00000000001 {i, 1, numberT}]

% //MatrixForm
Output =

68. 538

-10. 8239
-10. 5432
-14. 2352
-17. 1301
-19. 346
-20. 9927
-42. 2052
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uncertaintyl=Sqrt[ Abs[GradKFunction.CovMatrix.Gkdelinction] ]
output = 0.000596741

Rate Constant Calculation for zero-order reaction (n=0)
mink1=0;

maxk1=1;

maxAO0=expC[[1]]+stdC[[1]];
mMinAO=expC[[1]]-stdC[[1]];

modelC[t_, k , AO_]:= A0-k t

errorfunction[k_]:=Sum[ (  expC[[i]] - mode expTIME[[i]].k, expC[[1]]] )2,
{i, 1, numberT} ]

calculation=Minimize[{errorfunction[k], mink& k (O k<maxk1 }, {k}]
output = 2.94435x18 {k — 0.0000621819}}

fittingO=calculation[[1]]
output = 2.94435x10

bestkO=k/.calculation[[2]]
output = 0.0000621819

ExpData=Table[{expTIME[[i]],expC[[i]]},{i,1,numberT];

ModelDataO=Table[{expTIME[[i]], modelC[expTIME[[i]JoestkO,
expC[[1]11}.{i,1,numberT}];

Uncertainty of Rate Constant Calculation for zer o-order reaction (n=0)

bestkO=KFunction1[expC]
output = 0.0000621819

GradKFunction=Table[ (KFunction1[expC+ 0.0000000D&E([[i]] ]-
KFunction1[expC])/0.00000000001,{i, 1, numberT}]

Output = {0.0967742,-0.00196487,-0.00679117,-01868,-0.0135823,-0.0221793,-
0.0203735,-0.0254669}

%//MatrixForm
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0. 0967742

-0. 00196487
-0. 00679117
-0. 0101868
-0. 0135823
-0. 0221793
-0. 0203735
-0. 0254669

uncertaintyO=Sqrt[ Abs[GradKFunction.CovMatrix.Gkdelinction] ]
output = 8.82167x10

Summary

expC

output = {0.00161573, 0.00147061, 0.00140059,0.20%3, 0.00113663, 0.000979357,
0.00085633, 0.000696146}

stdC

output = {7.95493x18, 7.30005x10, 2.29438x105, 6.66386x10, 5.61723x10,
7.95126x10, 1.53281x10, 1.52439x106}

First-order model

bestkl
output = 0.0500537

fittingl
output = 1.49662x10

uncertaintyl
output = 0.000596741

MultipleListPlot[ExpData, ModelDatal, PlotRang¢0,0.002}, PlotJoined- True]
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Zero-order model

bestk0
output = 0.0000621819

fitting0
output = 2.94435x10

uncertaintyO
output = 8.82167x10

MultipleListPlot[ExpData, ModelDataO, PlotRangg0,0.002}, PlotJoined- True]

0.002
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APPENDIX C
Estimation of the fraction of hydroxyl radicals reacting with

isopropanol and acetone in homogeneous solution

This appendix is related to Chapter 3. It provithesdetails to estimate the fraction of
hydroxyl radicalsf(..;) that reacts with a system componé&ht,In our particular
systems the component can be isopropanol, acetaregtmonate species. As we already
stated before, the calculation assumes a striotilydgeneous kinetic system and only
represents the efficiency at the start of the tneat.

As stated by Larson and Zepp (1988The equation used for the calculation of
(fon.;) is described by:

k(OH'+)[S}]
2 k(OH™) [S]

OHe i =

Wherek(OH'+) is the second-order rate constant for the reactidrydroxyl radicals
with the system componeng]is the molar concentration of the system compgreemd
Y.; k(OH"+) [S,] represents the rate for Obcavenging in the system. In our
photocatalytic systems, the major potential reastiof OH are with the organic model
compound (isopropanol or acetone), bicarbonatecartsbnate anions.

Tables C.1 and C.2 show the computed values,offor isopropanol and acetone

in our photocatalytic systems.

“4Larson, R. A.; Zepp, R. G. Reactivity of the carhte radical with aniline derivativeBnviron. Toxicol.
Chem.1988, 7, 265-274.
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Table C.1. Calculation of the,..; values for isopropanol in the presence of 0.01 M
NaCQO; at various initial pH values.

Potential OH" [S] (M) k(OH™+) (M7s")  K(OH™)[S] (S)  fou.
scavenger
Kinetic system
(pH 6.35)
HCOy 5.62 x10° 8.5x 10 4.7 x1d 0.02
isopropanol 1.54 x10° 1.9 x 16 2.9 x16 0.98
2 K(OH"+i) [S] = 2.9x16
i
Kinetic system
(pH 8.35)
HCOy 0.01 8.5x 16 8.5 x1d 0.03
isopropanol 1.56 x10° 1.9 x 16 2.9 x16 0.97
2 K(OH'"+) [S] = 3.0x 16
i
Kinetic system
(pH 10.36)
HCOy 5.0 x10° 8.5 x 16 4.3 x1d 0.008
COo’” 5.0 x10° 3.9x16 2.0 x16 0.38
isopropanol 1.62 x10° 1.9 x 16 3.1 x16 0.61
2 K(OH"+i) [S] = 5.1x 16
i
Kinetic system
(pH 12.0)
CO’” 0.01 3.9x1b 3.9x16 0.56
isopropanol 1.62 x10° 1.9 x 16 3.1 x16 0.44
2 K(OH"+i) [S]] = 7.0x16
i
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Table C.2. Calculation of the,,.; values for acetone in the presence of 0.01 YOy at
various initial pH values.

Potential OH’ [S] (M) k(OH*+H) (Ms?)  k(OH™)[S] (s?) forei
scavenger
Kinetic system
(pH 6.35)
HCO; 5.62 x10° 8.5x 16 4.8 x1d 0.18
acetone 1.69 x10° 1.3x 16 2.2 x40 0.82
2 K(OH"+i) [S] = 2.7x 16
i
Kinetic system
(pH 8.35)
HCO; 0.01 8.5x 16 8.5 x1d 0.28
acetone 1.70 x10° 1.3x16 2.2 x40 0.72
2 K(OH'"+) [S] = 3.1x16
i
Kinetic system
(pH 10.36)
HCO; 5.0 x10° 8.5x 16 4.3 x1d 0.01
CO* 5.0 x10° 3.9x 16 2.0 x16 0.88
acetone 1.65 x10° 1.3x 16 2.1 x16 0.10
2 K(OH"+i) [S] = 2.2x16
i
Kinetic system
(pH 12.0)
CO* 0.01 3.9x 10 3.9 x16 0.95
acetone 1.58 x10° 1.3x16 2.1 xa6 0.05
2 K(OH"+i) [S]] = 4.1x10
i
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APPENDIX D
Effect of carbonate-bicarbonate alkalinity on the direct photolysis of

acetone and isopropanol in aqueous solutions

This appendix provides the kinetic parametersiéhiate constants,pk) for the UV
direct photolysis of acetone and isopropanol ingiesence of 0.01 M N@QO; at

different initial pH conditions. This table is a¢éd to Chapter 3.

TableD.1. Direct photolysis of isopropanol [(1.70-1.73) ¥1M] and acetone [(1.64-
1.71) x10*M] as a function of pH in the presence of 0.01 MG@s.

kpp (Min™)
Initial pH
| sopr opanol Acetone
6.42 (7.4+0.1) x10°
8.15 (6.4+ 0.2) x10° (2.8+ 0.1) x10°
11.01 (1.56+ 0.05) x10° (2.2+0.2) x10°
12.09 (2.60+ 0.08) x10° (3.3+ 0.2) x10°
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