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ABSTRACT

THE INFLUENCE OF SULFATE IN ALUMINUM
COAGULATION OF WATER

Aluminum salts are the most common coagulants used in
water treatment to remove contaminants. The objectives of this
research was to provide an understanding of some aspects of the
influence of sulfate in aluminum coagulation Shgemistry of natural
waters.  Al(lll) solutions were titrated with base té) study the role
of sulfate in the hydrolysis/precipitation of aluminum. Jar tests
were conducted to treat water samples containing varying
concentrations of aquatic humic substances (AHS), sulfate and pH.
The kinetics and adsorption isotherms of sulfate and aquatic humic
substances on aluminum precipitate were developed in adsorption
experiments using aluminum precipitate adsorbents. The application
of a sensor for Al(lll) based on immobilized morin was investigated.
Aluminum chloride and aluminum nitrate had similar
hydrolysis/precipitation characteristics. Aluminum precipitation
occurred at a lower formation function ratio r = [OH]p/[Al]t for
aluminum sulfate than for aluminum chioride or aluminum nitrate.
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The aluminum sulfate precipitate was presumed to be an Al-OH-SO4
solid. Equilibrium calculation (ALCHEMI) predicted jurbanite for
similar conditions. The addition of sulfate to aluminum chloride
solutions resulted in titration curves similar to that of aluminum
sulfate. Acidification of the sample prior to titration did not impact
the titration curves. An aluminum speciation scheme was presented
showing the predominance of monomers at low r ratios, followed by
polymers, and AIl(OH)4- at high r ratios. pH had the most influence in
the coagulation of the water samples treated. The impact of sulfate
and AHS additions varied depending on the pH. Turbidity and AHS
removal were greater at pH4 than at pH7. Maximum removals were
obtained at pHS5.5. The formation function fell within the range
measured in the AI(lll) titration experiments. Higher aluminum
precipitates were measured at pH7. The adsorption data of aquatic
humic substances (AHS) on aluminum chloride and aluminum sulfate
precipitates fitted the Freundlich isotherm best. More AHS adsorbed
to the aluminum sulfate precipitate. Little difference existed
between the AHS adsorbed to either aluminurﬁ chloride or aluminum
sulfate at pHS5.5 and 7. AHS adsorbed to aluminum precipitates
formed with AHS. Sulfate adsorption on aluminum precipitates
increased with decreasing pH and fitted the Langmuir isotherm best.
The competition between AHS and sulfate for the adsorption sites of
the aluminum precipitates favored AHS. Inconsistent results were
obtained with the sensor based on immobilized morin. Modifications
to the procedure and the use of other ligands were recommended in

lieu of morin.
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CHAPTER 1

INTRODUCTION

Conventional water treatment plants are used to destabilize
suspended, dissolved, and colloidal contaminants from water
supplies. These plants employ a series of processes consisting of
coagulation, flocculation, sedimentation, and filtration. A variety of
coagulants are used, the most common of which are salts of
aluminum because they are relatively cheap, easy to handle, and
usually very effective in removing contaminants from water. The
coagulants' function in conventional water treatment is to
destabilize particles and produce large aggregates or flocs that
settle readily (Edzwald, 1986). Destabilization of colloidal particles
may be achieved by a combination of mechanisms including charge
neutralization/ precipitation, adsorption onto sweep floc, and
bridging by high molecular weight polyelectrolytes (Hundt, 1985;
Randtke, 1987).

The uncertainty about the exact aluminum species formed
when aluminum is added to water and the interaction between the
aluminum species and the contaminants need to be understood in
order to optimize the coagulation process. Monomeric, polymeric,
and solid precipitate species have been reported (Dempsey 1987). It

is not clear whether monomeric aluminum species are more
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effective in removing contaminants than the polymeric aluminum
hydrolysis products, but, in general, more is known about the
formation of monomeric hydrolysis species than polymeric species.
For example, Holmes (1968) has shown that the rate of conversion
from one monomeric species to another is diffusion controlled.
There is good agreement regarding the first hydrolysis constant for
AI(H20)63+. However, substantial disagreement exists about the
hydrolysis constant of the polymeric species, and Al{(OH)3(S)
(Johnson and Amirtharajah, 1982; May et al.,, 1979; Stumm and
Morgan, 1981). Among the suggested polymeric species are Alo, Alg,
Alg, Al{3 (Dempsey et al., 1984).

The disagreement about the exact aluminum species comes
from the lack of reliable analytical procedures to measure the
concentration of the hydrolysis products (Batchelor et al.,, 1986).
The main obstacle with the few methods available is the time
requirement between sampling and species determination (Buffle et
al. 1985; Parthasarathy et al., 1985). Most of the procedures require
too much time for sample preparation or analysis compared to the
shorter lived reaction products (Snodgrass et al., 1982).

The aluminum hydroxide precipitate exhibits a surface
charge, the magnitude of which is a function of the chemical
composition of the bulk solution (Driscoll and Letterman, 1988). In
dilute solutions, reported isoelectric pH (pH at which the net
surface charge is zero, zpc) ranges from 7.5 to 8.5 (Montgomery,
1985), and 9 (Driscoll, 1988). At pH values less than the zpc, the net

surface charge is positive (Driscoll, 1988). It is possible for anions
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such as aquatic humic substances (AHS), sulfate, phosphates,

fluoride, nitrate, and chioride to adsorb on the aluminum hydroxide
surface thereby significantly influencing the net surface charge
(Driscoll, 1988; Hundt, 1985; Schendle and Letterman, 1986).

From the standpoint of treatment plant performance, high
residual dissolved aluminum concentration may indicate incorrect
coagulant dosing, inefficient use of the coagulant, or problems with
the treatment units. High concentration of particulate aluminum
may indicate problems in solid/liquid separation or post
precipitation of aluminum. The consequence of poor water treatment
plant performance would be the potential adverse heaith effect of
high residual aluminum in the finished water. High aluminum intake
has been linked to illnesses such as dialysis Encephalopathy and
Alzheimer's disease (Perl, 1985; Norberg et al., 1985; Will and
Savory, 1985).

From a research perspective, the knowledge of aluminum
species can provide a better understanding of the coagulation
chemistry and the mechanisms of contaminant removal
(VanBenschoten, 1988). A precise theoretical approach could be
taken to predict specific contaminant removal. The development of
analytical procedures involving the reactions of different
hydrolysis products of aluminum with a colorimetric reagent may be
a solution to determing the aluminum species (Batchelor et al,,
1986; Driscoll, 1988).

The presence of anions and particulate matter will also

affect the chemistry of aluminum in solution. Aluminum can form
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soluble complex species, with various ligands. The anion affinity

for aluminum is influenced by solution pH, the nature of the
aluminum precipitate, and the pH of minimum solubility of Al(lll)
(Hundt, 1985).

The treatment of water containing high concentrations of
aluminum-complexing ligands (F-, SO42-, PO43-, aquatic humic
substances) may lead to high concentrations of soluble aluminum
compiexes which are not removed by filtration (Letterman and
Driscoll, 1988). Costello (1984) noted that residual aluminum is a
significant problem in systems that apply high dosages of alum to
remove color causing organiqs.

Sulfate, one of the ligands of interest in this research, has
been investigated by a few researchers (De Hek et al., 1978;
Letterman and Vanderbrook, 1983). De Hek et al. (1978) showed that
the hydrolysis precipitation of aluminum was not altered by the
presence of chloride or nitrate. However, the hydrolysis
precipitation process was  affected by sulfate as well as the
composition of the texture and structure of the resultant
precipitate. Sulfate was thought to be adsorbed on the AI(OH)3(S)
floc. Basic aluminum sulfate has also been reported at pH values
below 4.5 when the sulfate concentration was 10 -4 M Norstrom
(1982). The experimental condition appears to determine whether or
not aluminum sulfate compounds will form.

The removal of aquatic humic substances, the other ligand
of concern, by coagulation has been investigated (Hundt, 1985;

Gjessing, 1976; Konova, 1983). These researchers have all shown
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that aluminum salts are effective coagulants. Reported removals

vary from 0% to over 90% (Randtke, 1987). Schnitzer and Khan
(1972) indicated that, at pH of 3.5 and 7.0, trivalent ions A3+ and
Fe3+ or their hydrolyzed counterparts were more effective in
coagulating AHS than divalent ions such as Ca2+ or Mg2+. In
addition, freshly precipitated aluminum and ferric hydroxides
adsorbed AHS, with aluminum hydroxide adsorbing more than the iron
hydroxide. Greeland (1971) and Lind (1975) have shown that organic
molecules allow aluminum to be present in solution at higher
concentrations than expected due to organic-aluminum complexes
which are formed, and that organic matter inhibits the
polymerization of dissolved aluminum species.

Particle removal by coagulation has also been reported
(Collins et al., 1987; Snodgrass, 1982; Weisner, 1986). There are
differences between turbidity and AHS removals despite several
similarities. In turbidity removal, solid particles may be coated
with aluminum polymers that cause destabilization, thereby
resulting in aggregate formation. The particle may be physically
enmeshed in an AI(OH)3 solid (Hundt, 1985). Dempsey et al. (1985)
found that turbidity increases coagulant demand in the presence of
fulvic acid only slightly, whereas fulvic acid dramatically increased
the dose of coagulant required for the removal of turbidity. Using
an aluminum solubility diagram, Dempsey (1987) has described
zones of turbidity removal when alum and polyaluminum chloride
were the coagulants. Turbidity removal was maximized in the sweep

floc zone.
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The complexity of the interactions among the aluminum

coagulant and AHS, sulfate, and particulate contaminants requires
further studies. The research areas which may provide a better
understanding of the process include the chemistry of aluminum
hydrolysis, the aluminum-hydrolyzing salts-contaminants
interaction, and the nature and the extent of specific contaminant
removal mechanisms.

It would be valuable to know the impact of sulfate addition
on the formation of aluminum hydrolysis products. For example, how
does the hydrolysis of aluminum sulfate compare with aluminum
chloride or aluminum nitrate? What are the rate, and the extent of
aluminum speciation in coagulation? Would sulfate influence the
hydrolysis of aluminum? Will sulfate promote or retard the
aluminum hydroxide precipitate formation? Will sulfate be adsorbed
on the aluminum precipitate or precipitated out? Would the
adsorption of sulfate on aluminum hydroxide precipitate be in
competition with AHS? What are the mechanisms of AHS and sulfate
removal? What would the influence of suifate be in the coagulation
of AHS and turbidity?

Furthermore, there is a need to develop in situ analytical
procedures to measure aluminum during coagulation and the residual
aluminum in the finished water. The development of an in-situ
aluminum measurement method could be an improvement over
current discrete aluminum measurement techniques. The problems
associated with sampling, and storage before analysis would be

avoided using the new technique.
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The objectives of this dissertation have focused on
providing an answer to some of these questions. Emphasis has been
placed on the hydrolysis of aluminum, the mechanisms of
coagulation of AHS and turbidity with the competitive influence of
suifate in the process. The specific objectives were four fold:

.Study of the role of sulfate in the hydrolysis precipitation

of AI(IH).

.Evaluation of aluminum coagulation of AHS and particulate

matter under varying pH and sulfate concentration

conditions.

JInvestigation of the extent of sulfate, and AHS adsorption

on aluminum precipitates.

.Investigation of a new analytical method, a polyvinyl

alcohol morin based fiber optic technique to measure

aluminum in solution.



CHAPTER 2

LITERATURE REVIEW

2.1 CONVENTIONAL WATER TREATMENT

The treatment of water for the removal of suspended,
colloidal and dissolved contaminants in conventional water
treatment plants is achieved by two unit processes shown in Figure
2.1. One unit process, coagulation, is accomplished in a rapid mix
tank and flocculator. The other, solid liquid separation, is
accomplished in a clarifier and a filter.

The raw water is pumped to the rapid mix after coarse
screens or bar racks have retained floating, coarse materials. The
coagulant is added either in line or in the rapid mix chamber.
Aluminum sulfate has been the coagulant of choice because it is
cheap and does not cause the health risks of other coagulants such
as aluminum nitrate and aluminum chloride. Flocs that form in the
rapid mix chamber are slowly brought into contact with one another
during flocculation and are allowed to collide and grow to settleable
size in the flocculator. After this step, gravity settling
(sedimentation) occurs in a clarifier to let the flocs settle and
minimize the amount of flocs that is applied to the filter. Where

high quality raw water exists, sedimentation, and perhaps
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flocculation, can be eliminated by using direct filtration. During

filtration, the water passes through sand or similar media to remove
fine particles that do not settle. In the final step, water is
disinfected (usually with chlorine) to reduce the number of

pathogenic organisms before storage and/or distribution.

2.1.1 Aquatic Humic Substances and Particle Removal

Mechanisms

2.1.1.1 Characterization of Aquatic Humic Substances

Humic substances (HS) have been studied since the
eighteenth century (Schnitzer and Khan, 1972). Aiken (1985) traced
the beginning of the research on aquatic humic substances (AHS) to
the Swedish scientist Berzelius, who investigated colored waters of
a mineral spring and later isolated colored organic compounds from
swamp water by precipitation with iron. The study of HS, since
Berzelius' time, has broaden to include other sources. Humic
substances have been found in soils, sediment, lake water, ground
water, seawater, estuarine water, and marine sediments (Schnitzer
and Khan, 1972).

Extensive studies of soil humic substances have been
reported in the literature from the 18th to the 20th century (Khan,
1972). In contrast, interest in aquatic humic substances was not
renewed until the 1900's, when studies were initiated on the origin
of color in water (Khan, 1972).

The origin of aquatic humic substances is still unknown.
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Several theories have been proposed that describe aquatic humic

substances formation. Five of the most accepted general overall
theories include (Beck, 1974; Thurman, 1985):
1) the aquatic humic substances consist of soil fulvic acids that
have leached or eroded from soil.
2) aquatic humic substances are formed by the same process as soil
humic substances.
3) aquatic humic substances are soil fulvic acids leached from soil
in the initial stages of humification and then modified, transformed,
or aged by humification processes which result in humic substances
unique to the aquatic environment.
4) aquatic humic substances are formed by a unique humification
process, whereby simple reactive moieties are polymerized and
condensed into humic substances unique to the aquatic environment.
5) humic substances are formed by continuation of the
polymerization process to form larger molecular units of fulvic acid
which are called humic acid.

Some workers have, however, disagre.ed over the premise
that aquatic humic substances have their origin in soil (Aiken, 1985;
Thurman and Maicom, 1981). The disagreement exists because the
compounds are complex and not well characterized. Stevenson
(1982) and Malcom et al. (1982) have shown that humic substances
from soil and water have comparable molecular weight, elemental
composition, and functional groups. They suggested that these
similarities may be one reason for the link between soil and aquatic

humic substances.
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Aquatic humic substances are known to be a mixture of

many hydrophilic compounds that have characteristics of
polyelectrolytes (Saar, 1980). They have been characterized as
heterodisperse, polymeric, colored organic macromolecules (Hundt,
1985). The AHS have a characteristic dark brown nearly black color
when isolated from water. They are formed as a result of
polymerization or condensation of various products of organic
matter breakdown, plant and microbial autolysis, microbial
synthesis, or a combination of the above (Hundt, 1985). Organic
matter Dbreakdown also produces Dbiopolymers including
carbohydrates, protein fragments, fats, and pigments (Reuter and
Perdue, 1977).

Humic substances are believed to possess a complex
aromatic core with polysaccharides, proteins, organic acids, simple
phenols and chelated metals (Thurman and Malcom, 1983). Thurman
(1983) suggests from separation, degradation and nuclear magnetic
resonance identification that carboxyl, aromatic hydroxyl, and
carboxyl groups are the primary functional groups associated with
humic substances.

Humic substances are divided into several subgroups. The
most common separation is based on solubility in acid and base.
Humic acid is that fraction of humic substances that is not soluble
in water under acid conditions (below pH1), but becomes soluble at
higher pH. Fulvic acid is that fraction of humic substances that is
soluble under all pH conditions. Humin is the fraction that is not
soluble in water at any pH value (Aiken, 1985; Thurman and Malcom,
1983).
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The structures of the AHS have yet to be defined. Aquatic

humic substances are a class of compounds rather than a single
compound that can be defined by molecular weight, crystal
structure, and dissociation constants. They are generally
characterized by average molecular weights, and ranges of
dissociation constants for the class (Sarri, 1983). They range in
molecular weight from a few hundred to more than ten thousand
(gr/mole) (Schnitzer and Kahn, 1972). Reported values of the radius
of gyration of individual subunits of colloidal soil humic acid range
from 10 A to 38 A (Wershaw, 1967). The radius of gyration is the
root mean square distance of the electrons in the particle to the
center of the charge. X-ray scattering determination of the angle of
gyration of aquatic humic acid range from 6.5 A to 153 A (Hundt,
1985). The angle of gyration is a useful parameter for comparing
molecular or particle sizes and for evaluating if the molecules are
mono or polydispersed (Malcom et al., 1982; Hundt, 1985).

Several formulas for HS have been proposed. Christman and
Ghassemi (1966) have suggested the formula shown in Figure 2.2
based on the assumption that lignin plays an essential part in the
humification processes. As noted by Gjessing (1976), the formula
seems to be useful for theoretical purposes. A definite composition
is unlikely because the number of units (N) may vary, and groups of
organic and inorganic compounds may be substituted for or attached
to the unit. |

Other suggested structures are shown in Figures 2.3 to 2.7.
Flaig's (1960) structure as well as Dragunov's (1966) contain

nitrogen as a structural component. More recent proposed structures



14

are based on the concept that molecules of humic acid consist of
micelles of a polymeric nature, the ba.sic: structure of which is an
aromatic ring of the di-or trihydroxy-phenol type bridged by -O-,
-CHo-, -NH-, -N=, -S- and other groups containing both free OH
groups and the double linkages of quinones (Aiken, 1985). Dragunov's
(1966) structure as well as Flaig's (1960) structure contain
nitrogen. Carbohydrates, and protein residues are also present in
Dragunov's (1966) and Stevenson's (1982) structures. Schnitzer and
Khan (1972) argue that fulvic acid consists in part of phenolic and
benzene carboxylic acids held together through hydrogen bonds to
form a polymeric structure. Aromatic and aliphatic components
substituted with oxygen-containing functional groups are present in
Buffle's model (Buffle, 1977).

On a percentage basis, humic acid has higher molecular
weight, higher carbon content, and lower oxygen content than fulvic
acids. A summary of elemental analyses of humic substances
presented in Table 2.1 indicates the distribution of the major
elements. Fulvic acids are more hydrophilic than humic acids
because of their higher oxygen content, more carboxylic and hydroxy!
functional groups, and lower molecular weight (800-2000). They
thus comprise the largest percentage of humic substances in aquatic
environment. Black and Christman (1963) indicate that fulvic acid
comprised between 80 to 90% of aquatic humic substances for the
waters they examined. Midwood and Felbeck (1965) measured the
fulvic acid fraction of humic substances to be 90% of the total
aquatic humic substances in their water samples. From the results

of 50 analyses of fresh waters using an isolation procedure on XAD
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Figure 2.2: Proposed structure of the colored humus molecule
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resin, Thurman and Malcom (1981) concluded that humic acid

accounts for 10% of the Dissolved Organic Carbon (DOC). The
combination of humic acid and fulvic acid accounts for 50% of the

DOC of most fresh waters that were analyzed in their study.

2.1.1.2 lIsolation, Fractionation, and Concentration of

Humic Substances

The study of aquatic humic substances requires their
isolation from natural waters. The final product should be free from
chemical impurities, which hinder the characterization of the
isolated humic substances. The product should also withstand any
degradation. Several isolation methodologies are available for
isolating humic substances. The following discussion identifies
some of the common methods employed to date.

Freeze drying, also referred to as lyophilization, is an easy
and gentle method for concentrating humic substances. However,
several problems are associated with this method. All solutes in the
sample including inorganic solutes are concentrated except volatile
organics. The method is also slow and not suitable for processing
large volumes of water (Katz, 1972; Black, 1963a). The most
efficient way of using freeze drying has been in conjunction with
other concentration processes (Beck et al., 1974).

Another method, freeze concentration, is also slow,
unsuitable for processing large volume of water. Further sample
processing is required to separate humic substance from other

organic solutes (Black, 1963b). However, the method is inexpensi\)e,
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and simple (Baker, 1967; Baker, 1970).

Liquid extraction has been used with some success to
isolate humic substances from water (Thurman, 1985). Solvents
such as ethyl acetate, butanol, isoamyl alcohol, and chloroform
emulsion have all successfully been used. (Thurman, 1985). However,
these methods are not quantitative, nor can carbon analysis be done
to determine the amount of humic substances that are rgmoved by
the procedure (Thurman, 1981). Although inorganic salts can be
effectively separated from organic matter, poor extraction
efficiencies and slow extraction rates outweigh the advantages. For
instance, Leenheer (1981) reported only 10% DOC extraction.

Reverse osmosis, an expensive and equipment intensive
method, has similarly been used for DOC concentration from water
(Deinzer, 1975; Koottatep, 1982). The major problem as reported by
Koottatep is that higher molecular weight fractions of DOC are
excluded at low concentrations but move across the membrane at
higher concentrations.

Saari et al. (1975), Leenheer (1981), McCarty (1974) have
effectively used anion exchange adsorbents to remove organic
matter from water. The method is reportedly simple, and can be
improved by a judicious choice of resins. Available resins include
phenol-formaldehyde weak base resin, diethyl aminoethyl cellulose,
and cation exchange resins. Strong-base resins that have quaternary
ammonium groups, and weak-base resins that have secondary amine
groups are preferred for isolating humic substances from water
(Thurman, 1985). Weak anion exchange resins elude more efficiently

than strong anion exchange resins, while still maintaining high
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efficiencies of adsorption (Leenheer, 1981). The problem with resins

is that irreversible sorption can occur especially for strong-base
resins because of the high affinity of the organic compounds for
quarternary ammonium sites. Large humic acid molecules can also
diffuse more slowly from macroporous structures of the resins
resulting in eventual fouling (Thurman, 1985). Reported recoveries
from these resins range from 70 to 80% (McCarthy, 1974, Leenheer,
1981; Thurman, 1985).

Adsorption techniques using various synthetic resins and
granular activated carbon are much more efficient (Leenheer, 1981).
Low solute recoveries from the sorbent have, however, limited the
use of these techniques (Aiken, 1985; Leenheer, 1981). In addition,
irreversible sorption, molecular exclusion, and hindered elusion are
some of the problems associated with the techniques even though
these resins are easy to handle and can be regenerated by treatment
with large volumes of water (Aiken, 1985).

Various types of precipitations have been successfully used
for humic substance isolation. Examples include precipitation with
CaCOg3, Mg(OH)o, Fe(OH)3, Pb(NO3)2, and FeCl3 (Aiken, 1985; Weber
and Wilson, 1975; Weber and Truitt, 1979). The disadvantages are
that all are slow, give high ash contents, and concentrate only 16 to
63% of the organic rhaterial (Williams and Zirino, 1964). As with
most other procedures, separation of the inorganic salts from
isolated humic acid is very difficult. The procedure is also
unsuitable for large volumes of water.

Ultrafiltration fractionation and gel permeation are

effective methods of humic substance fractionation. Both give a
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range of molecular weights thereby permitting separation of humic

substances into molecular weight fractions. Molecular weight
separation in gel permeation is achieved by size exclusion. A given
type of gel is characterized by a unique molecular weight range over
which molecules can be fractionated (Amy et al., 1985). Separation
is obtained through the ability of the various humic acid molecules
to diffuse into the pores of the gel. The gel acts as the stationary
phase. Large molecules do not enter far into the pores of the gel,
and thus are quickly eluded. Smaller molecules enter the gel pores,
their movement is retarded in the stationary phase. The overall
process leads to the elusion of molecules in order of decreasing
molecular size.

Ultrafiltration involves the selective rejection of humic
acid molecules by convective flow through a membrane. Molecules of
a size larger than the specified membrane “"cut-off" are
quantitatively retained while smaller molecules flow through the
membrane. Humic acid can be concentrated by ultrafiltration by
selecting one membrane size that would retained all the humic acid
molecules.

Oliver (1980) fractionated aquatic humic substances into a
series of eight molecular weight fractions utilizing DIAFLO
Ultrafiltration Membranes (Amicon, Inc., Danvers, MA) with
molecular weight cutoffs ranging from 500 to 300,000. The samples
were processed in a TRIS buffer (pH 8.4, 1=1.5). DIAFLO UF membrane
with manufacturer-designated cutoffs of 10,000 were reported to
retain 50 to 90% of aquatic humic acid in various Swedish natural

waters (Wilander, 1972). Amy et al. (1985), compared UF and gel
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permeation chromatography determination of molecular weight

fractions of water samples from several rivers in the United States.
They concluded that gel permeation was more profoundly affected by
pH, suggesting that the UF method is better in cases where pH
variations are of concern. They also stressed that one must exert
caution in interpreting molecular weight data with these methods.
Experimental conditions must be maintained the same at all times.

Gjessing (1970) also used‘DlAFLO UF membranes. He
concluded that about 10% of the organic carbon and 1% of the color
matter have MW below 1000. Moreover, more than 85% of the color
is present in the >20,000 MW fraction. The method suffers from
problems associated with surface and electrostatic effects. The
permeability is affected by a concentration polarization effect
because the macromolecules ‘adhere to the sides of the membrane
pores and create a gel layer that becomes the principal resistance to
flow (Amy et al., 1985; Buffle et al., 1978). An unequal distribution
of ions across the membrane creates a potential due to the Donnan
effect, in which one of the solutes is excluded from the membrane.
This phenomenon may render the membrane ineffective (Amy et al,,
1985).

Alumina, nylon and polyamide have been used to isolate
humic substances. The presence of oxide groups on the alumina
surface provides basic binding sites and weak acids sorb more
strongly  (Aiken, 1985). Moed (1970) has isolated lake organic
matter on alumina. Ninety eight percent of the solute was adsorbed,
but poor recovery (66-80%) was obtained by desorption with 0.008M
and 0.3M NaHoPOg4 buffer. Davis (1981) four;d that organic matter
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with molecular weight greater than 1000 formed strong complexes

with the alumina surface, but low molecular weight compounds were
weakly adsorbed. Most of the organic matter adsorbed was in the
molecular weight range of 1,000< M< 3,000. Sea water humic
material has been concentrated using nylon in the form of white
crylon stockings (Sieburth et al.,, 1968). Efficient elusion was
obtained with 0.1N NaOH.

Recently, successful concentration of aquatic humic acid
has been achieved with pH adjustment followed by liquid/solid
adsorption chromatography on nonionic resins. The resins commonly
used in the procedure are Amberlite XAD resins. These resins are
nonionic, macroporous copolymers which possess large surface
areas (Aiken, 1979). Several types of XAD resins exist. XAD-1 and
XAD-2 resins have been shown to be effective adsorbents for
removal of humic substances from sea water (Mantoura and Riley,
1975). They have also been used to isolate humic substances from
river water (Hundt, 1985; Thurman, 1981; Mantoura, 1975). These
resins have the advantage over other adsorbents that they are easier
to elude and are free from the risk of chemical alteration of the
humics (Mantoura, 1975). In addition, XAD resins have greater
adsorption capacity and are easier to elude than alumina, nylon,
silica gel, and polyamide powder (Aiken, 1985). Several
investigators including Liao (1982), Thurman and Malcom (1981),
Leenheer (1981), Aiken (1979), Aiken et al. (1978), Weber et al.
(1975), and Mantoura and Riley (1975) have used XAD resins.
Studying the adsorption of humic acid on XAD-2, Mantoura and Riley
(1975) found that adsorption fits the Langmuir isotherm. The
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standard free energy of adsorption AGO was -36.4 KJ/mole at 210C,

and the standard entropy of adsorption, AS, was 103 J/mole/K at
the same temperature. Weber and Wilson (1975) also used XAD-2 to
fractionate humic substances from soil and water samples.

A comprehensive procedure proposed by Leenheer (1981)
includes a combination of pH adjustment and adsorption
chromatography to separate humic substances into several fractions.
Aiken (1979) studied five Amberlite XAD resins as indicated in Table
2.2. This work shows that XAD-7 and XAD-8 are much more efficient
than XAD-1, XAD-2, and XAD-4 in the recovery of humic acid. The
results also indicated that elusion at pH 13 was approximately
100% effective due to ionization of carboxylic and phenolic hydroxyl
groups on XAD-7 and XAD-8. Moreover, hydrophobic
styrene-divinylbenzene resins XAD-1, XAD-2, XAD-4 were found
more difficult to elude due to the hydrophobic interaction and
possible [I-[T bonding with the aromatic resin matrix of styrene
divinyl benzene resins. Additionally, sorption of fulvic acid on these
resins is slow since diffusion through the resin is the rate
controlling step (Aiken, 1975). XAD-7 showed excessive bleeding
problems when eluted with 0.1N NaOH, even when elusion was quick
and efficient. Table 2.2 also shows that XAD-4 has greater than
twice the surface area of XAD-2, but the capacity for fulvic acid on
the XAD-2 resin is almost twice the capacity on XAD-4. XAD-7, and
XAD-8 have higher adsorption capacities and are more efficient
adsorbents for the concentration of fulvic acid.

The hydrophobic effect is the principal driving force for

sorption on these resins. Sorption of humic acid is determined by the
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solutes' aqueous solubility and solution pH (Malcom et al.,, 1978). The

sorption process is achieved by lowering the pH of the sample,
resulting in the protonation of the weak acids. These weak
acids then adsorb to the resin. Elution of the adsorbed humic
substance is achieved at higher pH when desorption is favored as
weak acids are ionized. Resins such as XAD-12 and XAD-16 have also
been introduced (Cheng, 1977). Cheng (1977) found that XAD-12 with
weak base functional groups was a very hydrophilic XAD resin and
the best sorbent for humic acid. However, because of precipitation
of humic acid at low pH, pH 5 was found best for sorption of fulvic
acid. XAD-7, XAD-8, XAD-12, and XAD-16 need further comparison to

determine the most efficient resin.
2.1.1.3 Aquatic Humic Substances and Particle Interaction

There is a growing body of evidence indicating that the
surface charge of most suspended particles from a variety of
estuaries and natural waters is negative (Lo‘der and Liss, 1985;
Hunter and Liss, 1979; Hunter, 1983; Tipping and Ohnstad, 1984,
Tipping, 1981; Tipping et al.,, 1981; Hunter, 1982; Hunter, 1980).
These researchers have shown that the surface charge, hence, the
electophoretic motility (Ug) of the particles in estuaries falls in
the range of -0.7 to -2.0 X 10-8 m2 S-1 v-1_ In fresh waters, Hunter
and Liss (1979) also identified negatively charged particles with
narrower Ug between -0.55 to -2.0 X 10-8 m2 S-1v-1 for several
rivers. Particulate matter from natural waters, contains a variety

of minerals as well as organisms. Some of these minerals, e.g. iron
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oxides, and hydroxides, would be expected to exhibit positive

electrophoretic mobility in pure systems of similar pH (Parks and
DeBruyn, 1962). It is therefore surprising that electrophoretic
measurements of natural samples have not detected more positively
charged particles.

The predominance and the limited range of the negative Ug
that are observed, despite the wide mineralogy of the samples
examined, is usually attributed to the particles being covered by a
coating of organic or oxide material. Studies by Neihof and Loeb
(1972), Neihof and Loeb (1974), Loder and Liss (1984), Hunter and
Liss (1979), and Tipping (1986) have all shown that adsorbed humic
substances are of overriding importance in determining the surface
charge (electrokinetic shear potential) of the particles. Researchers
have shown that goethite particles added to surface water samples
from lakes of widely differing chemistry become negatively charged
because of the adsorption of humic substances (Tipping and Cooke,
1982; Loder and Liss, 1984). The magnitude of the negative charge
decreased with increasing concentration of the divalent cations,
Ca2+ and Mg2+. They proposed that the large molecular size of the
humic substances causes the plane of electrokinetic shear to be
some distance from the oxide surface. The shear potential is due to
increased humic functional groups not involved in adsorptive
interactions with the oxide surface.

Tipping (1981) found that humic substances are adsorbed on
iron oxides (a-FeOOH, o-FesO3, amorphous Fe-Gel). The extent of
adsorption decreased with increasing pH. They proposed a mechanism

involving ligand exchange of humic anionic groups with HoO and OH-
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of the surface Fe-OHot and Fe-OH groups. The degree of protonation

of the adsorbed humic increased as the adsorption density increased
at constant pH.

Hunter and Liss (1982) found that in rivers of low dissolved
cation content, especially Ca2+, the electrophoretic mobility, Ug
was negative at all salinities. Ug increased as ionic strength
decreased. In rivers draining calcareous terrain and having relatively
high Ca2+ content, Ug showed a similar dependence on salinity above
5-10 ppt but no marked increase in magnitude at lower salinities.
The absence of positively charged particles, and the high uniformity
of the charge distribution of the samples, in spite of the mixed
nature of the suspended matter, led them to conclude that there was
a dominant control of surface properties by adsorbed organic matter,
metallic oxides, or both. Further supporting evidence was obtained
by the DOC measurements which indicated a sufficient supply of
organic matter for the adsorption process.

Davis (1982) reported that organic matter is readily
adsorbed by alumina and kaolinite in the pH range of natural waters,
and adsorption occurred by complex formation between surface
hydroxyls and the acidic functional groups of the organic matter.
Oxides with relatively acidic surfaces hydroxyls (e.g. silica) do not
react strongly with organic matter. Potentiometric titration and
electrophoresis measurements indicated that most of the acidic
functional groups of the adsorbed organic matter were neutralized
by protons from solution. Davis (1982) stated that under conditions
typical for natural waters, almost complete surface coverage by

organic matter may be expected for alumina, hydrous iron oxides,
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and the edge sites of aluminnosilicates. He concluded that the extent

of surface charge coverage by adsorbed organic material is
dependent on pH, the relative amounts of surface area and adsorbable
organic compounds in the system, the nature of solid surface, and
the inorganic electrolyte composition.

Humic substances may affect the surface chemistry of
particulate matter in natural aqueous systems in view of their
interaction with particles. The coating of particulates with humic
substances and the influence of parameters such as pH should be
understood if successful coagulation of particulate matter is

expected.

2.1.1.4 Aquatic Humic Substances and Particle Removal

Mechanisms

Aquatic humic substances and particles can both exert a
significant coagulant demand. They may compete for the hydrolysis
species when aluminum or iron are used for coagulation. Although
one may attempt to discuss their removal separately, as it has
widely been reported in the literature, their removal is not
independent from one another because they both occur in water
sources where coagulation is used for drinking water supplies.

Understanding colloidal chemistry is the key to approaching
the coagulation process. Destabilization of colloidal particles
consists of two steps. The first involves the transport to effect
contact. This is mainly due to hydraulic considerations. The second

process is the destabilization to permit attachment. The size of
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colloid (0.001 to 1um) is such that attractive body forces between

particles are considerably less than the repelling forces of the
electrical charges. Under these conditions, particle growth does not
occur, and Brownian motion keeps the particles in suspension
(Tchobanoglous and Schroeder, 1985). The principal mechanism
controlling the stability of hydrophilic and hydrophobic particles is
electrostatic repulsion. In the case of hydrophobic surfaces, an
excess of anions or cations may accumulate at the interface,
producing an electrical potential that can repulse particulates of
similar surface potential. For typical hydrophilic surfaces,
electrical charges arise from dissociation of inorganic groups
located on the particle surface or interface. In addition, particles
can also be stable due to the presence of adsorbed water molecuies
that provide a liquid barrier to successful particulate collisions
(Montgomery, 1985). The principal electrical charges on the particle
surface arise from crystal imperfection, preferential adsorption of
specific ions, and specific chemical reactions of inorganic groups on
the particulate surfaces.

Colloidal coagulation is achieved by an electrostatic
mechanism in which various oppositely charged species compact the
electrical double layer surrounding a colloidal particle, thereby
reducing its repulsive forces (Rubin and Blocksidge, 1979).
According to Randtke (1987), colloidal destabilization, precipitation
and coprecipitation are the three primary mechanisms whereby
coagulation can remove organic contaminant. He proposed that there
are four secondary mechanisms whereby colloids can be

destabilized; electrical double layer (EDL) compression, adsorption
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and charge neutralization, adsorption and bridging, and enmeshment

in a precipitate commonly referred to as sweep floc. EDL
compression is not likely to be significant under water treatment
conditions, but the other three mechanisms can and do occur during
water treatment, depending upon the specific conditions of the
treatment and water quality. Each of the mechanisms can result in
the removal of particulate organic matter.

Colloidal destabilization results only in the removal of
particles and not the removal of dissolved contaminants from true
solution. Precipitation and coprecipitation also can remove
contaminants from solution. Kolthoff (1932) distinguished four
types of coprecipitations: isomorphic inclusion, nonisomorphic
inclusion, occlusion, and surface adsorption. In isomorphic inclusion
the impurity substitutes into the crystal lattice for a lattice ion of
similar chemical characteristics. This is not possible for humic
substances removal because the size and characteristics of these
molecules are such that they cannot be incorporated into the lattice
structure of the metal hydroxides. Nonisomorbhic inclusion results
in the impurities appearing dissolved in the precipitate. Occlusion
occurs when the impurity, differing in size or chemical
characteristics from the lattice ions, is adsorbed at the lattice
sites as the crystals are growing, producing crystal imperfections.
In surface adsorption, the impurity is not incorporated into the
internal structure but is adsorbed only on the outer surface of the
precipitate.

There is a phenomenon, generally overlooked in particulate

natural organic matter removal, which involves the adsorption of
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organic substances onto inorganic particles and some organic

particles such as plant debris (Randtke, 1987). The portion
associated with the particles can be removed through colloid
destabilization. Identification of the mechanisms of contaminant
removal requires that a determination be made whether the material
being removed is colloidal or truly dissolved. This is difficult in the
case of humic substances since there is debate as to their physical
state. In practice, dissolved versus colloid separation is
accomplished with 0.45 um filtration. But one should keep in mind
that this is an operational means of separation and does not reflect
whether the material is truly dissolved or not.

A strong case can be made for the colloidal behavior of
humic substances although they pass through a 0.45 um filter. A
summary of mechanisms of humic acid removal is presented in
Table 2.3. The table shows the removal conditions as colloid
destabilization (Edwards and Amirtharajah, 1985), or precipitation
and coprecipitation (Hall and Packham, 1965). The removal of fulvic
acid may be similar to that of humic acid by coagulation, but there
is one very important difference between humic and fulvic acid.
Fulvic acid is soluble at pH1.0. This is highly significant because it
suggests that fulvic acid cannot be coagulated by simple charge
neutralization. Colloids can generally be coagulated at their zero
point of charge, which should be at approximately pH2 for fulvic acid
(Randtke, 1985). The solubility at pH value below the zero point of
charge is a strong evidence that fulvic acid is in true solution and
not colloidal.

The pathways and mechanisms of aluminum reacting with



Conditions

Acid addition
to pH 1.0

Metal salts
at low pH
(5-6)

Meta]l salts
at high pH
(7-8)

Table 2.3:

Fossible Mechanismms for the Removal
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of Humic Substances by Coagulation (Randtke, 1987)

Removal Mechanism(s)
assuming Humic acid
is Colloidal

Charge neutralization
by H+ perhaps accom-
panied by EDL com-
pression

Charge neutralization
by positively charged
hydrolysis products

Ermestment in a
precipitate: adsorp~
tion and bridging; or

neut-
ralization, with
higher dosages re-
quired due to compe-
tition with hydroxide
or to less positively
charged hydrolysis
species

Charge neutralization
or adsorption and
bridging

Enmeshment in preci-
pitating calcite,
perhaps with hetero-
genecus nucleation
on humic particles

As above,aided by
charge neutralization
by positively charged
magnesium hydroxide
camplexes and nuclei

Removal Mechanism(s)
assuning Humic acid

is in True Solution

Precipitation of the
insoluble acid of a
soluble salt

Precipitation of
Aluninum or Iron
humate

Precipitation of
Aluninum or Iron
humate impeded by pre-
cipitation of hydro-
xides; or coprecipita-
tion, involving ad-
sorption of humic acid
onto metal hydroxide
particles

Precipitation of inso~-
luble polymer-humate
carplexes

Precipitation of calcium

humate; adsorption of

humic acid onto calcite

nuclei and crystals .

As above, but with
adsorption onto posi-

tively charged Magnesium
hydroxide particles the

primary mechanism

Camments

Humic acid is
insoluble at

pH 1.0 by defi-
nition

Relatively low
dosage required:

_ hydroxides may

not ppt.; dosage

proportional to
humic acid conc.

A higher dosage
of coagulant 1is
required than at
low pH; dosage
increases as
humic acid and pH
increase; metal
hydroxides are
precipitated

‘Dosage proportio-

nal to humic acid
concentration

Removal may be
poor unless
ancther coagulant
is added

Magnesium hydro-
xide also preci-
pitated; exce-~
llent removal
possible
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turbidity (particles) are better understood than those involving its
reactions with organics. Turbidity removal can be achieved by two
mechanisms: Charge neutralization and AI(OH)3(S) precipitation
resulting in sweep floc (Stumm and O'Meila, 1968; Snodgrass et al.,
1984). Charge neutralization involves the adsorption of positively
charged monomers and hydroxo polymers of aluminum onto
negatively charged particles. This neutralizes the charge on the
particles and permits aggregation to occur during %Iocculation
processes. The precipitation mechanism involves the formation of
aluminum hydroxide solid which can collide and aggregate with
particles responsible for turbidity.

Extensive review of turbidity and humic substance removal
can be found in the literature. Amirtharajah and Mills (1982), for
example, have established domains of humic acid and turbidity
removal as a function of pH and logAl;y concentration as shown in
Figure 2.8. The removal mechanisms for each zone are described.
Hubel et al. (1987) found that high molecular weight polymers used
as coagulant aids with alum produced turbidity removal but not
trihalomethane formation potential (THM) precursor removal. High
charge density cationic polymers, as coagulant aid with alum,
provided good precursor removals at low alum dosages. Sinsabaugh
Il et al. (1986) reported that larger molecular weight organics were
more readily precipitated than smaller ones. lonic compounds were
more effectively removed than neutral compounds. Hydrophilic and
hydrophobic organics were preferentially removed over compounds
of intermediate solubility. Fulvic acid was readily precipitated. Low

molecular weight neutral compounds were the dominant precursor



LOG [Al]) - maoles/lilar

.2 -
[ | 1] 7
AJ(OH)- Sweep
Coagulation /

.3 : ; ! - 300
Restablizauon N ‘ | |/ =
Zone (boundaries \ bl e s R I 20 4 100
changs wilh colloid) 2 e v,/—v'--Opumum Sweep =

% > ' -
) D . 30
an N i !
q- A Y Charge Neuiraiization
S::L%'"nu‘m i;ﬂ\ N i 2ero Zeta Potential =10
o Zero 2ea Ak N with AHOH)5(S) 3
Potsnual with A g7 | 7 3
ST AL Ao TR L TN | B
‘\i R N~ Combination 1
o, {sweep and charge
\k - neulraiization)
03
Arora . ~~— AIOH,
. Al(OH) 3 —]
. 7
1
v A
L A\l
2 4 8 8 10 12
pH of MIXED SOLUTION

Figure 2.8: Design and oper.
(Mills and Amirtharajah, 19

ation diagram for alum coagulation

82)

143H;0- .y

ALUM as AL(SO.),; -

35



36
group remaining in treated water.

Humic substances removal can be obtained by other
processes in water treatment. For example, softening processes
improve fulvic acid removal (Marcia et al.,, 1983; Randtke, 1987).
Marcia et al. (1983) found that fulvic acid adsorbs to calcium
carbonate crystal during the early stage of the softening reactions.
Randtke (1987) suggested that the softening process can be modified
to improve the removal of fulvic acid without compromising the
removal of hardness. Research by Dempsey et al. (1981), Wiesner and
Veronique (1986), Rubin and Blocksidge (1979), Snodgrass et al.
(1982), Edzwald (1986), Gordon (1979), Edzwald et al. (1974),
Letterman et al. (1986) have all shown the extent of humic

substance and particle removal.

2.2 INFLUENCE OF SULFATE IN WATER TREATMENT

2.2.1 Importance

Sulfate is generally introduced in water supplies from
several sources including watershed drainage from rainfall and
snowmelt. The other source of sulfate comes from the use of
aluminum sulfate during coagulation of water. The proportion of
sulfate added in coagulation can always be calculated.

The increase in atmospheric deposition is being strongly
cited for the increase in sulfate concentration in natural waters
(Nichols et al., 1986; Chung, 1978; Tang et al., 1986; Dillons et al.,

1986). Nichols et al. showed the relationship between wet
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deposition and sulfate concentration in 82 clearwater lakes from

North Central Minnesota to Central Lower Michigan as indicated in
Figure 2.9. deGrosbois et al. (1986) measured sulfate concentrations
ranging from 100 peq/l to 250 peq/l in streams in a small
catchment basin in central Ontario. Kerekes et al. observed that as
emission of SOp in Sudbury, Ontario declined, so did the sulfate
concentration in four lakes studied in the area. Measured
concentrations in the lakes varied from about 350 peq/! Ato 1200
ueq/l.

Most water treatment plants in the USA use alum as a
coagulant. As a result of the alum addition, sulfate is usually added
in the treatment process. Sulfate addition and sulfate from
watershed drainage make this ion ubiquitous in natural waters along
with other major anions, such as chioride, nitrate, and carbonate
species. The exact role played by sulfate ion is of significance

because of its possible impact on cbagulation.
2.2.2 Role in Hydrolysis precipitation of Aluminum

Sulfate, a tetrahedral polyvalent anion, is reported to have
various effects in coagulation. Schraroenchaikit and Letterman
(1987) found that at pH6 and low sulfate concentration (<3x10-4M),
the kinetics of coagulation of 10 um diameter polysterene particles
treated with aluminum salt can be described using a first order rate
equation. However, at higher sulfate ion concentration (> 3x10-4M)
the kinetics of aggregation were no longer first order. The extent of

the deviation from the predicted first order rate equation was.
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thought to be dependent on the concentration of sulfate ion,

aluminum salt, and the mixing intensity. At the high sulfate
concentration, the kinetics of polysterene particle aggregation were
described by a modified Saffman and Turner model (1956). The
modification was based on the author's assumption that upon sulfate
addition, initially unadsorbed aluminum hydrolysis products in a
 polynuclear. possibly microcrystalline form, are transported to the
surface of the aluminum hydrolysis product-coated particles by a
combination of turbulent fluid transport and Brownian diffusion.
When double layer repulsion between interacting coated polysterene
particles was negligible, the model suggested that the uptake of
unadsorbed aluminum hydrolysis products causes the total volume
concentration of the polysterene particle suspension to increase,
and the collision efficiency for colliding particles to decrease.
However, when double layer repulsion is significant, the expanded
model predicted that the uptake of unadsorbed aluminum hydrolysis
products is negligible because of the high positive charge of the
microcrystals and coated polysterene particies.

Snodgrass et al. (1984) found that sulfate accelerates the
rate of particle formation and changes the particle size distribution
over time (1-40 um size range). The rate of detectable particle
formation was increased by sulfate at high pH. A decrease in
aluminum to sulfate ratio (Al:SO4), from 1:1.5 to 1:0.5, resulted in
an increase in the time for the detection of the smallest particle
size by up to 12 minutes. Particle sizes of 1um were detected in
aluminum solution (AI:SO4 of 1:1.5) within 15 minutes, while no

particles were detected in aluminum chloride solution (Aluminum =
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1.8x10-4M).

In aluminum fulvate solutions, sulfate may catalyze the
formation of aluminum hydroxide, and aluminum polymers which
react with negatively charged fulvic acid. This reaction can result in
particles growing to form large aggregates (De Hek, 1978). Sulfate
has been reported to form complexes with aluminum ions during
formation of aluminum hydrolysis species (DeBruin et al., 1975).
Complex formation, due to screening of positive charges on
polynuclear species by sulfate, allows nucleation and particle
growth. Randtke (1987) hypothesized that sulfate can widen the
optimum pH range for removal of particulate organics by complexing
with positively charge particles, while at the same time competing
with organics in solution for hydrolyzed metal species, and for
adsorption sites.

De Hek et al. (1978) developed titration curves of aluminum
(Itl) solutions (OH/A! vs pH) showing differences when sulfate, ‘or
nitrate is present. Precipitation occurred at a much earlier stage
when sulfate was present (OH/Al = 0.4, pH3), and a plateau develop
in all aluminum titrations where little change in pH occurred with
the hydroxide addition. A characteristic second second plateau seen
in aluminum chloride and aluminum nitrate titration disappeared
except at low sulfate cocentration for aluminum sulfate titrations.
They found that most, if not all of the sulfate ions removed from
solution during precipitation were adsorbed. No evidence for the
existence of basic sulfate in the precipitate was found. The role of
sulfate was seen as that of a catalyst. Sulfate lowers the free

energy barrier to the orientation and ordering of plate-like, highly
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charged, polynuclear complexes into growing solid phases. A
comparison of the precipitation behavior in sulfate solution to that
in nitrate solutions indicated floc formation at a later stage when
chloride was present. Observation led them to conclude that
aluminum supersaturation develops in the chloride solution which
eventually results in the nucleation and initial growth of the solid
phase on the second plateau. The conclusion reached for the nitrate
solution was similar to that of chloride solution. The occurrence of
two characteristic plateaus was also observed by Vermeulen et al.
(1975).

Hsu (1977) suggested that sulfate tends to link OH-AI
polymer together, in a distorted arrangement due to steric effects.
This may explains why most basic salts containing sulfate are
amorphous. Norstrom (1982) indicated that at a sulfate
concentration of 10-4M and pH below 4.5, aluminum sulfate may
precipitate. Hsu and Bates (1964) also noted the formation of

amorphous basic aluminum sulfate and chloride precipitates.

2.2.3 Sulfate Interaction with Aquatic Humic Substances

and Aluminum

From the work of De Hek et al. (1978), Vermeulen et al.
(1975), Stol et al. (1976), Hayden and Rubin (1976), adsorption and
precipitation appear to be the two modes of sulfate removal from
solution. Under acid conditions where complications due to
hydrolysis of the metallic cation A3+ may be minimized, formation

of AISO4+ is likely to occur. This complex has been reported by
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Stryker et al. (1969). However, because of the unavoidable

interference of the action of hydrolysis of aluminum, there is a wide
spread in the measured values for the stability constants for
aluminum sulfate complexes (De Hek, 1978). A distinction is made

between inner and outer sphere complexes as illustrated by:
ki
A|(H20)SO4+ = AISO4+ + Hy0 (2.1)
Ko

where ki is the rate constant for the formation of the inner sphere
complex and Ko is {hat for the outer sphere complex Al(Ho>OSQOgat).
Behrb and Went (1962) believed that the outer sphere complex
AlHoOSO4+ makes the major contribution to the observed
complexation reaction. These complexation studies provide evidence
for ion pair formation between A3+ and SO42-.

De Hek et al. (1978) suggested that the sulfate ion strongly
adsorbed on the growing positive solid particles. They concluded
that it is possible to view the inteffaoial region separating the solid
phase from the bulk solution -phase chemically as a basic sulfate
surface complex. This surface complex has a varying composition
depending on the pH and canndt be treated as a bulk phase. Hayden
and Rubin (1976) postulated that soluble and insoluble polynuclear
suifatohydroxo-aluminum (lll) species occur based on their
precipitation studies. Hsu and Bates (1964) reported that the
amorphous precipitates they observed were basic aluminum sulfate

or chloride.
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2.3 INORGANIC ALUMINUM CHEMISTRY

2.3.1 Aluminum and Other Coagulants

The two primary functions of a chemical coagulant are
particle destabilization and strengthening of flocs to reduce floc
breakup (Montgomery, 1985). Chemicals serving one or both of these
purposes must also satisfy several practical constraints, including
low cost, ease of handling and availability, and chemical stability
during storage. In addition, the coagulant must forrﬁ either highly
insoluble compounds or adsorb strongly on particulate surfaces. The
objective is to minimize the concentration of soluble residuals that
pass through the treatment plant.

The most common inorganic coagulants used in water
treatment are salts of aluminum, AICI3.XH20, AI(NO3)3.XH20, alum
(Al2(S04)3.XH20), and iron salts. Alum has been extensively used in
the United States. Alum can be purchased in either dry or liquid
form. However, dry alum cost 50% more than an equivalent amount of
liquid alum. Usually only users of small amounts purchase dry atlum
(Davis and Cornwell, 1985).

Organic polymers, also called polyelectrolytes, were
introduced in the United States by the early 1950s and have been
widely used in water coagulation. Polymers are long chain molecules
consisting of repeating chemical units with a structure designed to
provide distinctive physico-chemical properties (Montgomery,
1985). In water treatment, they are designed to be soluble, and to

adsorb completely or react rapidly with particulates. In contrast to
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aluminum or ferric ions, polymers do not produce voluminous flocs.

This makes them advantageous in applications where low floc
volumes are desirable, as is the case with direct filtration. Their
cost constitutes their major disadvantage.

Both natural (i.e. sodium alginate, chitosan) and synthetic
organic polymers are available. Among the synthetic organic
polymers are nonionic, anionic, and cationic polymers. Cationic
polymers destabilize particles such as clay suspension through
charge neutralization. Anionic polymer destabilize particles through
polymer-bridging mechanisms.

A recently introduced coagulant in the United States,
polyaluminum chloride (PACI) has been used in Japan and to some
extent in Europe for some time (Hundt, 1985). The commercial
preparation of this coagulant involves the partial neutralization of
an AICl3 solution at elevated temperature and pressure. Alum is then
added to produce an AlpO3 equivalent concentration of about 10% by
weight and a ratio of 0.16 moles of sulfate per mole of aluminum.
The neutralization ratio of the coagulant (OH:Al) is reported by the
manufacturer to lie between 1.35 and 1.8 (Wiesner et al., 1986).
PAC! has been reported to successfully remove humic substances and
particulate from water (Weisner, 1986; O'Meila and Dempsey, 1984;
Hundt, 1985).

2.3.2 Aluminum Speciation

The hydrolysis of aluminum is one of the most researched

areas in water chemistry. Despite these efforts, however, there is
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no consensus on the exact species of aluminum present because the

aqueous chemistry of aluminum is complex. A number of workers
(Hsu et al., 1964; Serna et al., 1977) favor the concept that OH-Al
polymers are fragments of solid aluminum hydroxide, their size
varying with their basicity. Other researchers believe that species
of aluminum can be separated into several categories (Bersillon,
1980). The only agreement is that dissolution of aluminum salts in
water in the absence of complexing anions results first in the
hydration of the free metal ion A3+ to form several species.

A good account of the conflicting views is described in a
series of publications by Akitt et al. (Akitt et al., 1972; Akitt et al,,
1981 part 1; Akitt et al., 1981 part 2; Akitt et al., 1981 part 3). The
majority of the reported studies have been made by potentiometric
techniques. The studies can be categorized into two groups.

The first group noted that as alkali is added to a dilute
aluminum salt solution, there is only a slow change in pH until 2.5
moles of alkali have been added per mole of aluminum. Equilibrium is
attained slowly in these solutions and aging must be allowed to take
place before meaningful pH values can be obtained (Brosett, 1952).
This behavior has been interpreted as indicating the formation of the
ion Aln(OH)2_5n+0-5n, where n can have numerous (mostly even)
values from 2 to 13, high values being preferred. X-ray
crystallographic analysis has supported this view (Akitt et al.,
1981).

The second group of experiments (Grunwald and Wing, 1969;
Sullivan, and Singley, 1980), in which the effect of adding acid or

progressive dilution of the pure salt solution is measured, resulted
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in the conclusion that the monomer hydrolysate [AI(OH)(H20)52+] or

the dimers are the only species formed. Akitt et al. (1981) indicated
that both views are correct and speciation depends on the degree of
hydrolysis of aluminum. The monomer AI(H20)63+ and its
hydrolysate are still present at high degrees of hydrolysis.

Various monomeric and polymeric species have been
proposed. Baes and Mesmer (1976) proposed monomeric species A3+,
AIOHZ2+, Al(OH)o+, Al(OH)3, and AI(OH)4;, and polymers Alo(OH)o4+,
Al3(OH)45+, AIO4(AI(OH)2)127+ (or Al{3), and a solid precipitate
AI(OH)3S. Benschoten et al. (1988) indicated that above pH4,
monomeric forms AI(OH)n3'n (n=1-4), and polynuclear hydrolysis
species AIm(OH)nC‘”“'n are formed. Bersillon et al. (1978) concluded
that at pH7, AI3+, AI(OH)2+, and AI(OH)o+ are the predominant
monomers. Al(OH)2+ is present in the pH range of 4.5 to 5.0. In
alkaline solution (pH7.7 to 9.5), the Al(OH)4- species is reported by
Hem and Roberson (1967) to be the predominant monomer.

Several hydrolysis constants taken from Hundt (1985) and
Rezania (1985) are shown in Table 2.4. These values are based on a
statistical analysis of titration experiments and on chemical
identification of the polymers.

Polymeric species have been suggested. Such species
include Alo(OH)o4+, Al3(OH)25+, Alg(OH)204+, and Al{30(OH)pg”+

(Hayden and Rubin, 1974; Hayden and Rubin, 1976; Rezania, 1985;
| Hundt, 1985). In general, the polymeric species are considered as
metastable structural intermediates between aluminum monomers
and AI(OH)3(S) (Hundt, 1985). Rezania (1985) suggested that
although the existence of AI8(OH)204+ has been.reported by Hayden
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Hydrolysis logK  reference
Monomers
A3+ + H20 = AIOH2+ + H+ -4.97 (1)
-5.0 (4)
-5.03 (2)
Mixed Constant -5.55 (3)
Al3+ + 2H20 = AI(OH)2+ + 2H+ -9.3 (1)
Al3+ + 3H20 = AI(OH)3 + 3H+ -15.0
Al3+ + 4H20 = AI(OH)4- + 4H+ -23.0 (1)
-22.75 (3)
-21.84 (1)
Polymers
2AI3+ + 2H20 = AI2(OH)24+ + 2H+ -7.7
-6.27 (2)
3AI3+ + 4H20 = AI3(OH)25+ + 4H+ -13.94

8AI3+ + 20H20

AI8(OH)204+ + 20H+ -68.7 (3)

13AI3+ + 28H20 = AI1304(0OH)207+ + 32H+ -98.73
aor

13AI3+ + 34H20 AI13(OH)345+ + 34H+ -97.4 (4)
-96.7 (2)

1 Baes and Mesmer (1976)

2 Black and Chen (1967)

3 Hayden and Rubin (1974)

4 Stum and O'Meila (1968)
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and Rubin (1974), such species are probably important only in the

initial stages of coagulation, and at low pH values (less than 5).

The solid precipitate Al(OH)3(S) as, mentioned, earlier has
been observed. Its nature, however, is uncertain (Dempsey, 1987).
Reported values for pKso at 250 C and |=0 range from 8.1 (Gibbsite)
( May, 1979) to 10.8 (amorphous solid) (Stumm and Morgan, 1981).
Hem (1967) Found that the microcrystalline gibbsite that formed at
slightly acid conditions has a pKso of 9.35. Johnson and
Amirtharajah (1982), and Amirtharajah and Mills (1982) assumed a
value of 10.37 for the construction of stability'and removal
diagrams. The calculated values for the pKs depend on the selection
of hydrolysis constants for the monomeric species of aluminum.
Dempsey (1987) reported that AI(OH)3(S) forms over a broad pH
range when alum is used to remove fulvic acid. Hem et al (1967)
found that AI(OH)3(S) forms between pH7.5 and 9.5 and is initially
composed of a boehimite material which changes to bayerite after
aging for 10 days. The uncertainties in the solubility product of
Al(OH)3(S) have been discussed by Hsu and Bates (1984), O'Meila ana
Dempsey (1982), and Stumm and Morgan (1981). The concentration of
soluble aluminum in equilibrium with  AI(OH)3(S) may be much
higher than in equilibrium with Gibbsite, because of the range of
solubility constants reported.

The solubility diagram shown in Figure 2.10 is also often
used to establish the zone of aluminum species formation with
respect to pH (from O'Meila and Dempsey 1982). The data for Figure
2.10 was taken from Baes and Mesmer. The solubility of Gibbsite

was used in this diagram. The dashed lines represent uncertainties
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of the data for AI(OH)2+ and AI(OH)3 ag.

Species determination can also be done graphically
(Rezania, 1985). In the presence of Al(OH)3S, the following relation
is obtaineaq:

AIB+ + 3HoO =  AI(OH)3 + 3H+ (2.2)
with K = {H+}3/ {AI3+} (2.3)
All other hydrolysis species in equilibrium with AI(OH)3S (Table 2.4)

would be just a simple function of {H+}. For example given:

AB+ 4+ HoO =  AIOH2+ 4+ H+ (2.4)
K1,1 = {AIOH2+} {H+}/{AI3+} (2.5)
therefore,
(AIOHZ2+} = K1,1 {AI3+} / {H+} (2.6)
(AIOH2+} = K K1,1 {H+}2 (2.7)

If AIOHZ2+ is the predominant dissolved species, a plot of log
(dissolved aluminum ion concentration) versus pH gives a slope of
-2; if the major species is AI{OH)o*, the slope is -1, a slope of O,

and +1 is given for AI(OH)3S, and AI(OH)4" respectively.
2.3.3 Aluminum Fractionation

The existence of aluminum species and their importance has
led to numerous attempts to analytically fractionate these species
in water. Turner (1969) developed a timed colorimetric procedure
with Oxine (8-hydroxyq'uinoline) to distinguish between fast
reacting, presumably monomeric aluminum species (reaction time t=
10-30 sec) and slow reacting polynuclear forms (reaction time t=30

min). Barnes (1975) described a modification of the Oxine method in
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which filtered samples (0.1um) were reacted with

8-Hydroxyguinoline, adjusted to pH8.3, and extracted in 30 sec or
less with methyl isobutyl ketone. The extract was analyzed by flame
atomic absorption spectrophotometry. Batchelor et al. (1986) have
also characterized species of aluminum using a timed colorimetric
analysis procedure. Their procedure was based on the rate and extent
of reaction of the hydrolysis products with ferron. Four types of
aluminum species were identified; instantaneously, rapidly,
moderately, and slowly dissolving aluminum.

Bersillon et al. (1980) have also grouped the soluble
aluminum species into at least four categories based on a modified
aluminum-ferron method where sulfate precipitation and resin
treatment were added to the original procedure. The first category,
high OH-aluminum polymers, with residual positive charge of 0.33 or
less per aluminum atom, are rapidly precipitated by NasSO4 giving
rise to the formation of non crystalline basic aluminum sulfate.
Medium OH-aluminum polymers, the second group, form crystalline
basic aluminum sulfate of composition AI(OH)2.56(S04)0.22.XH20,
and enter the resin slowly. The third category, low OH-aluminum
polymers, is not precipitable with NasSOy4, and enter the resin
rapidly. The final group, monomeric ions, enter the resin and react
with ferron rapidly.

Modifications to these methods have been used by several
researchers to determine the species of aluminum in water (Barnes,
1975; Driscoll et al., 1980; Driscoll, 1984). The method of Driscoll,
for example, divides aluminum into reactive aluminum species,

monomeric aluminum, as with Barnes' method, non-labile monomeric
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aluminum, and labile monomeric aluminum. The reactive aluminum

fraction was determined by acidifying the sample to pH1 and
analyzing aluminum species using the method of Barnes. Non-labile
monomeric aluminum, and labile monomeric aluminum were obtained
using a cation exchange resin (Amberlite 120).

Campbell (1986) separated aluminum species into
monomeric hydroxo-fluoro aluminum complexes, and aluminum fulvic
and humic acid complexes by filtration and Chelex 100 ion exchange
resin. Van Benschoten et al. (1988) presented another fractionation
technique by a combination of acidification, filtration, complexation
with 8-hydroxyquinoline, and cation exchange resin. Species
reported included total reactive and dissolved aluminum, dissolved
monomeric aluminum, dissolved organically bound aluminum, and
dissolved organic monomeric aluminum. A modified cation exchange
resin procedure originally developed by Driscoll was proposed by
Tipping et al. (1988).

Hundt (1985) devised a protocol for determining species of
aluminum shown in Figure 2.11. Five groups were identified,
AlI(OH)3(S), monomers, small polymers, medium polymers, and large
polymers. AI(OH)3(S) is the precipitant obtained after filtration
through a 0.45 um membrane filter and then dissolved in 6N HCI.
Monomeric species are determined from the filtrate. Stirring over a
10 minute period and adsorption on a Fisher Rexyn 101H (Fisher
Scientific) provide for the conversion of some monomeric to
polymeric forms. The filtrate contains the polymers and the
remaining monomers. Precipitation with NasSO4 and filtration

through a 0.45 um membrane filter speciates the large polymers.
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The remaining supernatant supposedly contains medium polymers.
The concentration of monomers and small polymers is calculated by
taking the difference between the total soluble aluminum
concentration minus the aluminum concentration after resin
treatment. From this value, subtraction of the monomer
concentration gives the concentration of the small polymers.

The results of aluminum speciation are dependent on the
analytical procedure used. The distribution of four species of AICI3

at a concentration of 10-3.75M is presented in Figure 2.12.

2.3.4 Importance of Aluminum in Anion Complexation

The chemical speciation of aluminum is further complicated
in natural water because the hydrolysis species come in contact
with contaminants, including anions. For example in acidic water,
AI3+ forms complexes with OH-, F-, SO42-, and organic compounds
such as humic substances (Hem, 1968; Tipping et al., 1988). The
treatment of water containing high concentrations of these alumino
complexing ligands may lead to high concentrations of soluble Al
complexes. These complexes may not be removed by filtration
because the soluble complexes may not be incorporated in the
filterable precipitates. In a precipitation study, Costello (1984)
noted that residual aluminum is a significant problem in systems
that apply high dosages of alum to remove color-causing organics.
Driscoll and Letterman (1988) reported aluminum species formation
in a study on the Metropolitan Water Board of Onondaga County Plant

in Oswego, NY. The use of alum increased the total aluminum
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concentration from 0.37 +_ 0.33 umole/l in the raw water to 1.8+_

0.33 umole/l in the filtered water. The treated water contained only
a small amount (0.26+_ 0.26 umole/l) of particulate aluminum. Of
the remaining aluminum (1.5 +_ 0.33 umole/l), 29% was associated
with organic matter (0.44+_ 0.30 umole/l), 52% was present as
monomeric alumino-hydroxide complexes (0.81+_ 0.37 umole/l), and
19% was complexed with Fluoride (0.30 +_ 0.15 pmole/l).

The presence of anions in solution such as sulfate, nitrate,
oxalate, and phosphate has long been reported to influence the
coagulation chemistry (Miller, 1925). The pH of coagulation was
found to be dependent on the anions present. Miller postulated that
the effects were due to the formation of a solid aluminum hydroxide.
Chloride ion at high concentrations was found to shift the pH of
optimum coagulation slightly to the acid side. Sulfate in
concentrations from 25 to 250 mg/l, widened the range of rapid
coagulation toward the acid side. The widening effect became
greater with increasing sulfate concentration. However with
phosphate, even at very low concentrations, a marked shift in the pH
of optimum coagulation to lower values resulted with little or no
broadening of the pH range.

Marion and Thomas (1946) developed a theory to explain the
effect of anions on the pH of maximum precipitation of aluminum
hydroxide. They suggested the formation of complexes. Aluminum
species stability and solubility were considered to have a strong
dependence on the anions present. A mechanism proposed for the
behavior of the anion was based on the basicity of the anion, the

affinity of the anion for aluminum, and its resistance to
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displacement by hydroxide ion. The rules advanced were as follows:

1) If the anion is a strong coordinator with aluminum and
not replaced by hydroxide ion, the pH of optimum
precipitation will drop sharply with increase in anion
concentration.

2) If the anion is a strong coordinator with aluminum but

can be displaced by hydroxide ion, the pH of optimum

precipitation increases with a very basic anion, and
decreases with a weakly basic anion.

3) If the anion is only a very weak coordinator with

aluminum, it exerts only a slight effect on optimum

precipitation generally in the direction of lower pH values.

Stumm and Morgan (1962) reported results of alkalinity
titrations confirming that coordinating anions have a marked effect
on the pH of optimum precipitation. They concluded that in the case
of strongly coordinating énions the chemical equilibria involving
complex formation were more important in coagulation than the
double layer compaction by counterions. The reverse was true in the
case of weakly coordinating anions.

Evidence was presented by Dempsey (1987) that
complexation occurs between aluminum and fulvic acid. The average
stability function (logk) reported was 3.39 within pH range from
4.30 to 8.08. This value ié higher than would be expected in
complexation of carboxylic functional groups but considerably lower
than complexation of Al(lll) by hydroxide.

Several computer models have been developed to perform

chemical equilibrium calculations to determine the concentration
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and distribution of inorganic and organic species (Cosby et al.,

1985). The models rely on thermodynamic calculations for
prediction. Aluminum speciation models are based on equilibria
with the solid phase AI(OH)3(S) (O'Melia and Dempsey, 1982).
However departure from AI(OH)3 solubility have been reported
(Schecher et al., 1987). .

A computer program (ALCHEMI) developed by Schecher and
Driscoll (1987), Schecher and Driscoll (1988) attempts to predict
pH-aluminum species distributions with F, SO4, and inorganic C in
water. ALCHEM! considers aqueous complexes with OH, F, and SOy
ligands. The program is flexible enough to permit calculation at
equilibria with hydroxide, hydroxysilicate, or hydroxysulfate
mineral phase or without solid phase considerations. Solution pH is
the master variable. Electroneutrality relations are also
incorporated. The concentration of the water chemistry paraméters
(concentrations, initial pH, temperature, etc...) are set before
running the program. Titration is performed by the program and the

equilibrium aluminum species are plotted at incremental pH values.
2.4 SENSOR FOR AI(lll) MEASUREMENT
2.4.1 Significance in Water Treatment

Despite extensive use of aluminum coagulants in water
treatment, treatment plant operators, typically, do not monitor
effluent aluminum because of the difficulties and time constraint

in measuring aluminum. Turbidity and color are monitored instead.
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Additionally, there is no incentive to monitor the residual aluminum

in finished water because the USEPA has not set a maximum
contaminant level. USEPA has only proposed a guidance level of 0.05
mg/l; a maximum contaminant level may be recommended at a later
date. Nevertheless, there are serious implications concerning the
lack of aluminum monitoring. Barnett et al. (1969) reported that the
use of aluminum sulfate as a coagulant in the treatment- of drinking
water increased the aluminum concentration in the finished water.
Robert et al. (1984) indicated that there was a 40 to 50% chance
that aluminum coagulation increases the aluminum concentration of
the finished water above its original concentration in the raw water.
A similar observation was reported for the Onondaga County, N.Y.,
water treatment plant (Driscoll et al., 1988). Aluminum
concentration increased from 0.37 +. 0.33 umole/l in raw water to
1.8+_. 0.33 umole/l in the filter water. About 11% of the aluminum
input was released to the distribution system in the treated water.
There is an urgent need to improve and expand analytical
capabilities at the water treatment plant level that will provide the
operator with real time in situ evaluation of aluminum
concentration. Fiber optic sensing presents a great opportunity to
provide for this need. Currently, interest in the use of fiber optics
for remote in-situ chemical measurement is increasing in areas of
biomedical as well as environmental applications (Angel, 1987;
Hirschfeld, 1986; Seitz, 1984). In most applications, though,
spectroscopy determination cannot be done directly. Usually, solid
phase indicators attached to the end of a single optical fiber or a

fiber bundle is used. The analyte interacts with the indicator to
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produce an optical detectable charge which is probed through the

optical fiber.

Among the analytical possibilities, continuous AI(lll) s
particularly amenable to optical sensing (Sarr, 1983; Saari, 1983)
because Al(lll) forms fluorescence complexes with several
otherwise nonfluorescent ligands. The method is selective because
Al(lll) measurements are made in the 3 to 6 pH range where
relatively few other metal ions complex with the ligands that
respond to AIl(lll). In the context of water treatment, Fe(lll) is
probably the only interference of concern. In high concentrations,
Fe(lll) will interfere negatively by forming a non fluorescent
complex (Saar, 1980). Recently, Saari (1983), and Seitz et al. (1989)
have successfully identified and used indicators in fiber optic
chemical sensing. Their optical fiber instrument was used to
evaluate the feasibility of Al(lll) measurement in the present study.
A morin-based polyvinyl alcohol (PVOH) sensor was developed and
experimented with.

The indicator used, Morin (3, 5, 7, 2', 4', - pentahydroxy
flavone), belongs to the large class of flavoroid compounds which
are aromatic phenols of the general structure C6-C3-C6. Flavones
are compounds of plant origin, which have been studied in relation to
subjects such as the fermentation of tea, tanning of leather,
manufacture of cocoa, and the flavor of food (Saari, 1983). Morin,
one of the most reactive and sensitive among the flavones, can be

synthesized from the wood of Artocarpus inteqgrifolia and Toxylon
pomiferium (Katyal, 1968). Morin has aiso been widely used for the

fluorometric analyses of Ai(lll) (Katyal, 1977).
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Morin is only weakly fluorescent by itself, but forms highly

fluorescent complexes with AI3+ as shown in Figure 2.13.
Complexation ties up nonbonding electrons which reduces their
energy state. Therefore it is fairly common to have molecules that
have n-n* lowest energy singlets when uncomplexed, and =n-n”
lowest excited singlets when complexed with metal ions (Saar,
1983). Complexation can cause a non fluorescent ligand to become
fluorescent by changing the nature of the lowest excited single{. The
fluorescence and color of the metal complexes formed depends upon
the number and position of the hydroxyl groups in the flavone
molecule. The hydroxylygroups at the 3, 5, and 2' positions show the
greatest effect on the fluorescence of the complex. Therefore Morin
(3, 5, 7,2', 4' - tetrahydroxyflavone) is one of the most reactive and
sensitive among the flavone. Morin has also been used as a reagent
for fluorometric analyses of aluminum and other metals as well as
for spectrophotometric analyses of metals that do not form

fluorescent complexes (Seitz, 1983; Katyal, 1977).
24.2 Theory

A brief discussion of the theory is presented. A detailed
development is shown in Saari (1983). It is assumed that the total
number of mobilized morin molecules, C, is much less than the
number of aluminum ions in solution. Under these circumstances, the
insertion of the sensor will not significantly affect the aluminum
ion concentration in solution. Assuming a 1:1 complex, the

equilibrium for aluminum binding to immobilized Morin can be
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Figure 2.13: Formation of the morin-Al(III) complex.



represented as:
K=Mai/(Map) (2.8)

where
M= number of immobilized Morin ligands not associated with
aluminum
Maj= number of immobilized Morin ligands associated with aluminum
ion
ap|= the aluminum metal ion activity in solution
K= equilibrium constant
Because the total number of immobilized Morin molecules C is fixed,

C=M+Mp| (2.9)
Since Morin is essentially non fluorescent by itself and the
Morin-aluminum complex is fluorescent, the fluorescence signal will
depend on the amount of aluminum bound to the Morin:

| = k Mp (2.10)
where
| = fluorescence intensity
k = proportionality constant
In relating fluorescence intensity to the amount of aluminum bound
to Morin, it is assumed that the conditions are such that intensity is
proportional to the number of sites (i.e. no inner filter effects).

MA| is calculated by substituting equation (2.9) into equation (2.8)

as follows:
M=C-Ma (2.11)
k =Ma|/{(C - Mg)) aaj} (2.12)
kapl=Ma|/ (C-Ma) (2.13)
(1/Kap|) =(C/Mp) -1 (2.14)
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Mal=(Ckaap /(1 +aal k) (2.15)

By substitution of equation (2.15) into equation (2.10) , an
expression for fluorescence intensity as a function of aluminum ion

activity is obtained

l=(k CKap|)/(1+aaik) (2.16)
Using a linear form of equation (2.16),
ap|/l=ap/kC+1/kC (2.17)

K can be obtained from the slope and intercept of a plot of ap;/ 1 vs.

aal.

243 Limitations

There are several potential problems with the fiber optics
Al(I11) sensing. These include the need to immobilize Morin on PVOH,
the amount and shelf life of the immobilized morin, pH, and-
interfering compounds in solution. The pH is an important parameter
in this technique because the equilibrium constant is pH dependent.
In previous studies, Seitz et al. (1988) have determined that pH4.8 is
the optimum at which 100% fluorescence intensity is obtained. The
procedure can only be useful in water treatment if its utilization
can be feasible in a wider pH range. It is possible to develop
calibration curves at varying pH values and establish the change in
fluorescence intensity.

The immobilization technique may also be too elaborate
since it requires a trained operator, and additional reagent

preparation time. This is a relatively minor concern, compared to the
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advantages of the method. Interference from other compounds in

solution may present the most difficult task to address. The claim
of in-situ usage of the probe implies that it should be interference
free. If not, the interfering compounds should be removed or
inhibited. The most likely interferent would be iron because it can
form non fluorescent complexes with Morin. These problems can only
be addressed Dby investigating potential interferents. The study
should focus on evaluating the performance of the immobilized

morin, a matrix to encapsulate the immobilized morin.



CHAPTER 3

MATERIALS AND METHODS

3.1 EXPERIMENTAL APPROACH

The experimenis were designed to address the four general
objectives set forth for this work. The aim was to provide an
understanding of some aspects of the influence of sulfate in
aluminum coagulation chemistry of water. The objectives included a
study of the role of sulfate in the hydrolysis precipitation of
aluminum, the evaluation of aluminum coagulation of aquatic humic
substances and particulates under varying pH and sulfate
concentration conditions,‘the kinetics and adsorption isotherm of
sulfate and aquatic humic substance on aluminum precipitates, and
an investigation of a new analytical procedure to measure aluminum.

The first experiments consisted of a set of titrations to
investigate the role of sulfate in the hydrolysis/precipitation of
Al(Ill). Potentiometric titrations of 5X10-2M (as aluminum)
aluminum. chloride, aluminum nitrate, and aluminum sulfate
solutions were done with 2N NaOH solutions. The resulting titration
curves were evaluated and compared.

Several jar test experiments were performed next to

evaluate the removal of AHS, and particulate under varying pH and
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sulfate concentrations conditions. Water samples containing aquatic
humic substances, sulfate and bentonite clay were treated with
varying concentrations of aluminum chloride. The variables of the
experimental design were sulfate, aquatic humic substances, and pH.
The aquatic humic substances (AHS) used were concentrated from a
surface water sample. A sedimentation experiment was also
undertaken to obtain a uniform size bentonite clay suspension which
was used to provide constant turbidity to the water sample treated
with aluminum. A titrimeter (Fisher Scientific, Pittsburgh, PA) was
used to maintain constant pH during each jar test.

The third set of experiments involved the adsorption of AHS
and sulfate onto aluminum precipitate. Aluminum chloride and
aluminum sulfate precipitate adsorbents were tested, along with the
effect of pH variations on the adsorption process. Adsorption of
sulfate and AHS on an aluminum chloride precipitate formed with
AHS was studied in the second phase to simulate water treatment
conditions where the aluminum precipitate forms in the presence of
the contaminants. The last phase of these experiments examined
the compeﬁtive adsorption between sulfate and AHS on the
aluminum precipitate.

Finally, a sensor for Al(lll) based on immobilized morin was
introduced and its application in water treatment was investigated.
This alternative continuous aluminum measurement technique was
developed and tested. Several experiments were conducted with the
morin immobilized on cellulose. The procedure was altered by

entrapping immobilized morin on cellulose in a polyvinyl alcohol
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matrix. The modification was introduced to improve the

measurement techniques using the cellulose.

3.2 REAGENTS AND QUALITY CONTROL/QUALITY
ASSURANCE PROCEDURES

All procedures were designed to ensure that the data
obtained in this research were collected using standards and sound
analytical procedures and instrumentation. The analytical methods
are presented in Table 3.1. Most procedures were provided in
Standard Methods (1980). Additions and exceptions are discussed
where applicable. Table 3.2 describes the calibratioin procedures for
each analytical/instrumental method.

Double distilled and deionized water (Milli Q, Millipore, Inc.
Bedford, MA) was used to dilute all prepared r.eagents and standards
unless otherwise stated. The system uses cartridges in four
successive purification stages. The distilled water flows through a
Super C cartridge, two ion exchange cartridges, and a MU-15
ultrafiltration cartridge. Dissolved species including carbon are
removed to give a final effluent resistivity of 18 megohms/cm.

Type A glassware was used through the study. All
chemicals were analytical reagent grade or higher unless otherwise
stated. Reagent preparations are described with each procedure.

There were generally three glassware cleaning procedures.

All glassware was initially washed with phosphate free soap and



Table 3.1: Analytical Procedures
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Parameter Procedure References
Measured
pH Potentiometric Standard Methods (1985)
Temperature NBS calibrated
Thermometer Standard Methods (1985)
Turbidity Nephlometric )
Turbidity Standard Methods (1985)
UV Absorbance Absorbance at pH7 Collins (1985)
Aluminum AAS Standard Methods (1985)
Erichrome Cyanine R Standard Methods (1985)
Fiber Optic Sensing Seitz (1985)
Sulfate lon Chromatograph Standard Methods (1985)
Modified Methyi
Thymol Blue Mc Swain et al. (1974)
0oC UV-Promoted

Particle Count
Aquatic Humic
Substances

Concentration

Bentonite Clay

Persulfate Oxidation

Standard Methods (1985)

Electrical Conductivity Coulter Electronics (1980)

Adsorption
Chromatography

Sedimentation

Aiken (1985)

Black (1965)
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Table 3.2: Instrument Calibration Conditions

Instrumentation

Calibration and
Routine procedures

AAS
(Perkin Elmer, Norwalk, CT)

DC-80 TOC Analyzer
(Dohrmann, Santa Clara, CA)

Spectronic 2000

(Bausch and Lomb, Rochester, N.Y.)

HF Turbidimeter
(Hatch, Co., Ames lowa)

pH meter

(Fisher Scientific, Bedford, MA)

Coulter Counter

(Coulter Electronics, Inc, Hialeah, FL

lon Chromatograph
Dionex Co, Sunnyvale, CA)

Thermometer

8200 Ultrafiltration Cell
(Amicon, Co, Danvers, MA)

Daily Calibration

Daily‘ Calibration Updates
(Daily Read Backs)

Daily Zeroing

Daily Calibration

(Monthly Calibration check)

Daily Standardization

Calibrated as needed

Calibrated when needed
(Daily read back)

Daily Pressure Check
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water and rinsed twice with Milli Q water. Most of the glassware
was subsequently soaked in 50% HNO3 for 24 hours, rinsed
consecutively three times with distilled water, three times with
Milli Q water and air dried before re-use. The 50% HNOj3 was
replaced with fresh solution when the solution turned yeliowish. All
other glassware used in the analyses involving AHS were treated
similarly except they were soaked in a chromic acid cleaning
solution (CA). The CA solution was prepared by dissolving 120 g
NasCroO7 in 1000 mL Milli Q water. While stirring the solution, 872
mL of concentrated sulfuric acid was slowly added. The solution was
allowed to cool at room temperature and stored in a glass bottle.
The CA solution was replaced when the solution started to turn
turned green, indicating that the cleaning solutions had been
reduced, and thus was no longer suitable for cleaning.

Gases used during this research included: 0 grade nitrogen
in the adsorption study and 4.5 grade nitrogen for DOC analyses, AAS
grade acetylene (2.6 grade), and AAS grade nitrous oxide (99.0%
pure) for the AAS analysis, and helium (99% pure) and nitrogen 4.5

grade for the ion chromatographic analyses.

3.3 ANALYTICAL PROCEDURES.

Sulfate Analyses

Sulfate was analyzed according to either an improved

Methyl Thymol Blue procedure for automated sulfate determination
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(MTB) developed by Mc Swain et al. (1974) or using a Dionex lon
Chromatograph (Dionex Co., Sunnyvale, CA). The methyl thymol blue
procedure was used for sulfate measurements in the coagulation
study, and the lon Chromatograph (IC) was used for all other sulfate
measurements. A 1000 mg/L stock sulfate solution was prepared
from reagent grade NasSO4. The stock solution was replaced
monthly.

The MTB procedure depends on the relative reactivity of
methyl thymol blue and sulfate with barium. When no sulfate is
present, all the barium is complexed with methyl thymol biue
producing a deep blue color. Barium sulfate is produced in the
presence of sulfate ion and only the excess barium is complexed
with methyl thymol blue producing a decrease in the blue color. When
methyl thymol blue is uncomplexed, its color is gray. The
barium-sulfate reaction must take place at pH 2.5-3.0, and the
barium-methyl thymol blue reaction at pH 12.5-13.0.

The modification to the Technicon (Technicon Instrument
Co., Tarry Town, NY) automated method consisted of the installation
of a 16-0492 bubbler, instead of a 116-0489 bubbler recommended
by the standard procedure, followed by a 157-B095 fitting. A
debubbler was added on the methanol and color reagent lines. The
sample to wash ratio was changed to 1:1. These modifications
improved the bubbling pattern which is critical in the procedure.
Daily standards (0.5, 1, 2, 4, 6, and 8 mg/L) were used to obtain
calibration curves from which the sample concentrations were

determined. Reproducibility was good in the 0 to 10 mg/L range. The



73

detection limit was estimated to be 0.08 mg/L. The detection limits
were calculated as twice the instrumental response for system
blank according to Miller and Miller (1984).

The Dionex |C was calibrated using 4 standards (1, 2, 4, 8
mg/L). The instrument was only calibrated every two weeks or when
the reagents were replaced because little or no variation occurred
within the two week period. Daily calibration checks consisted of
replicate analyses of the four standards for quality control purpose.
The diluents, regenerant, and all reagents required to run the IC
were replaced every two weeks with fresh solutions. The Dionex
Integrator Model 4270 (Dionex Co., Sunnyvale, Ca) program was
updated with each calibration. Reagent blank checks consistently
indicated no detectable level of sulfate in the diluents. An
OnGuard-P (P/N 039597, Dionex Co., Sunnyvale, CA) pretreatment
cartridge was used to remove organics from sémples containing AHS.
The cartridge contained a polyvinylpyrrolidone (PVP) polymer with a
very high selectivity for phenolic, azo-containing compounds,
aromatic carboxylic acids, and aromatic aldehydes. The cartridge
removed the phenolic fraction of humic substances, which can foul
anion exchange resins. The cartridge was regenerated after each use
by siphoning 15 mL of Milli Q water, followed by 15 mbL of 2 N
NH40H, and 15 mL of Milli Q each at a flow rate of 4 mU/min. A 1000
mg/L of reagent grade NaoSO4 stock solution was used to make daily
standards for both the MTB procedure and the IC. The NapSO4 stock

solution was replaced monthly = with fresh solution.
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Ultraviolet A rban M remen

A Bausch and Lomb Spectronic 2000 (Bausch and Lomb Co.,
Rochester , N.Y.) with a 1 cm Spectrosil spectrophotometer cell
(VWR Scientific, San Francisco, CA) was used for UV absorbance
measurements. The sample and reference cells were matched 1 cm
quartz cuvettes (Fischer Scientific, San Francisco, CA). fhe reagent
blank and samples were adjusted to pH7 with a 0.001M phosphate
buffer. The cells were cleaned by rinsing several times with Milli Q

water. They were air dried before use.

DOC measurement

Dissolved organic carbon analyses (DOC) were performed on
a Dohrmann DC-80 Automated Laboratory Total Organic Carbon
Analyzer (Dohrmann Division; Xertex Corporation, Santa Clara, CA).

Sample and standards were acidified with two drops of 50%
H3PO4 per 10 mL of sample and purged with 4.5 grade No for 5
minutes to remove inorganic carbon. The sparging time was
established in preliminary experiments. Several samples containing
up to 10 mg/L AHS as DOC, 40 mg/L CaCOg3 alkalinity, and 0.001M C
NaCl (see jar test experiment) were sparged for varying periods of
time. No change in sample concentration was noted after sparging
for 5 minutes. A similar conclusion was reached with the standard
used for instrument calibration.

A single calibration was done with a 10 mgC/l KHP
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standard. Readbacks standards of 1, 5, 10, 15, and 20 mgC/l
standard showed that the calibration was linear over this range. The
single point calibration was updated with daily injections of the 10
mgC/l standard. Daily readback standardization using 1, 5, 8, and
10 mgC/l standards were also performed after the calibration was
updated. The calibration was always linear within this range. The
DC-80 was recalibrated each time the instrument was not used for
over a month or when the No was replaced. The detection limit of the

DC-80 was estimated to be 0.2 mg C/I (Miller and Miller, 1984).

Turbidity _and Particle Count Measurements

The turbidity was measured with a HF turbidimeter model
2100A (Hach Chemical Co., Ames, lowa). The meter was calibrated
daily with  sealed AEPA turbidity standards (Advanced Polymer
Systems Inc., Redwood City, CA) after warming up for 30 min. The
sealed standards were checked against primary turbidity standards
from the same company every three months. These standards
contained styrene divinyl benzene spheres with uniform particle
size.

Particle count measurements were done using a Coulter
Counter, model ZBI (Coulter Electronics, Inc., Hialeah, FL) fitted with
a 30um orifice and connected to a 100 window channelyzer. The
settings were: Manometer, 70ul; matching switch, 40K; aperture
current-1, 0.25; and aperture, 0354. The samples were diluted with

an lIsoton (Coulter Electronics, Inc., Hialeah, FL) solution. The
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solution provided the ionic strength adjustment necessary for the
counting mechanism to work. The isoton diluent was also used for
cleaning the particle counter.

The Coulter Counter was calibrated with 2.02 Lm latex
particles (Coulter Electronics, Inc., Hialeah, FL). Several dilutions of
the latex particles were run through the counter to established the

optimum setting. This setting was used for sample analysis.

Aluminum Measurements

Aluminum was measured using three methods: Atomic
absorption spectrophotometry (AAS), the eriochrome cyanine R
colorimetry method as described in Standard Methods (1985), and a
newly developed fiber optic sensor for Al(lll) based on immobilized
morin. A Perkin Elmer Model 2380 Atomic Absorption
Spectrophotometry (AAS), equipped with a graphite furnace, model
HGA 400 (Perkin Elmer Co., Norwalk. Connecticut) was used for low
level aluminum measurements. The modified HGA program and a
sample calibration curve are shown in the appendix. Flame analyses
were also performed for sample containing 10 mg/L aluminum or
higher. Gases used included acetylene, argon, and nitrous oxide.

Colorimetric measurements for the eriochrome cyanine R
method were performed on a Bausch and Lomb Spectronic 2000
(Bausch and Lomb Co., Rochester, N.Y.) with a 5 ecm Spectrosil
spectrophotometer cell (VWR Scientific, San Francisco CA). The

cells were treated as described in the procedure for uv
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measurements. The detection limit was estimated to be 3 ppb (Miller
and Miller, 1984).

Aluminum standards were prepared from either Fisher
Scientific (Fisher Scientific, Pittsburgh, PA) or Baker Analyzer
Certified Reagent Grade (J.T. Baker Analyzed, Phillipsburg, NJ)
metal stock solutions (1000 mg/L). Aluminum solutions for flame
AAS analyses contained 1% KCIl and 1% HNOg3 in the flame mode. 0.05
mg Mg(NOg3) was added as a matrix modifier when the graphite
furnace was used.

Aluminum standards were made in acetate buffer solutions
for the morin-based fluorescence measurements. Acetate buffers
were prepared according to the procedure described in Walpole
(1914). Predetermined volumes of 0.2M acetic acid and 0.2M sodium
acetate solutions where mixed to yield pH4.8 (optimum condition for
the analysis) solution except for the experiments in which the
effect of pH variations was studied. Dilution water was prepared by
adding 20 mL of 0.2M acetic acid to 30 mL of 0.2M sodium acetate.
This was diluted to a final volume of 100 mL with a final pH of 4.8.
Serial dilutions consisting of two steps were made to prepare the
daily aluminum standards. First, 2 mL of the 1000 mg/L stock
aluminum solution were pipetted into a 200 mL volumetric flask.
The solution was made up to volume with the buffer solution to give
a 10 mg/L aluminum standard. The other standards were prepared
from this 10 mg/L aluminum standard in the second step using the

acetate buffer as diluent.
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pH Measurements

A Fisher Scientific Computer Aided Titrimeter (CAT)
system (Fisher Scientific, Pittsburgh, PA) equipped with a gel-filled
Orion pH Combination Electrode (Orion Co., Boston, MA) model 91-55
and a Fisher Titration Controller equipped with a Fischer Scientific
Platinum combination electrode model 13-639-281 were used to
measure and control the pH. The precision of the systems were +.
0.001 pH or +_. 0.1mv respectively. The pH meters were calibrated
before use with standards (VWR Scientific, Boston, MA) of pH4, 7, or

10 depending on the pH range of the samples.

3.4 PROCEDURE FOR THE HYDROLYSIS/PRECIPITATION OF
Al(111)

3.4.1 Experimental Set-up

The behavior of Al(lll) upon addition to water is of primary
interest in coagulation. As discussed in Chapter 2, aluminum forms
various species as a result of its reaction with hydroxide. The
aluminum species formed react with the contaminants present in
water as a function of parameters such as pH and aluminum dosage.
This study was designed to evaluate titration curves of aluminum
chloride, aluminum nitrate, and aluminum suifate coagulants. The
study focused particularly on the influence of SO42‘ and other

competing ions in the hydrolysis/ precipitation of Al(lll). A 3 L
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reactor, similar in design to the jar test reactor in the coagulation
experiments (Figure 3.8), was used in conjunction with the Fisher

Automatic Titrimeter.

34.2 Procedure

Two procedures were established in this determination.
First, aluminum solutions were prepared by dissolving reagent grade
aluminum chloride, aluminum sulifate, or aluminum nitrate in Milli Q
water. The pH of the solutions was adjusted to 3 with 0.1 N HCI or
0.1N NaOH. The entire solution was filtered through a 0.45 um
membrane filter to remove particulates and hydrolysis products. 2 L
of the filtrate were transferred to a 3 L Plexiglass reactor. The
solutions were then titrated with 0.1N NaOH while stirring with a
magnetic bar on a Nova |l Stirrer (Thermoclyne Co., Dubuque, iowa).
No (4.5 grade) was bubbled through the reactor (10psig) during the
experiment.

A fixed end point pH titration program was set on the Fisher
Titrimeter to titrate the solution to predetermined pH values and to
record incremental additions of 2N NaOH. Care was taken during the
titration to record the volume of 2N NaOH and pH at which visible
floc was formed. The 2N NaOH was standardized with standard KHP
as described in Day (1985). Titration curves relating OH/Al to pH
were obtained by recording the initial pH, and determining the
number of moles of OH- added by incremental titration. The number

of moles of aluminum was constant and was calculated from the
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amount of titrated standard aluminum solution. The number of
moles of OH- added with the first incremental NaOH addition was
added to the number of moles of OH- calculated from the initial pH
measurement. The pH corresponding to the first incremental NaOH
addition was recorded after the pH reading had stabilized.
Subsequent OH values were obtained by adding the number of moles
of OH- in each incremental volume of NaOH added to the number of

moles of OH- already present. The pH of each stage was recorded.

3.5 CONCENTRATION OF AQUATIC HUMIC SUBSTANCES

3.5.1 Source

Stock aquatic Humic substances were concentrated from
local swamp samples near the mouth of the Oyster River in Durham,
NH. A detailed description of this location is given in Weber (1973),
and Weber and Truitt (1979). As has been pointed out by Davis (1980)
and others, terminology regarding organic matter in natural waters
is confusing. It is therefore appropriate to note that throughout the
remainder of this dissertation, the total material obtained in the
concentration scheme described will be referred to as Aquatic
Humic Substance (AHS). The usual pH separation of the fulvic, and
humic fractions was not performed since the research focused on
the total fraction of the humic material that is dissolved in natural

water.
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352 Concentration scheme

The procedure, adopted from Malcom and Thurman (1979), is
a combination of liquid-solid adsorption chromatography on
non-anionic resins and pH adjustment. The AHS was concentrated on
XAD-8 resin because this resin has a higher retention capacity and
several advantages over the XAD resin used by other investigators
(Hundt, 1985; Dempsey , 1981; Driscoll, 1980; Malcom, 1979; and
Mantoura and Riley, 1975). In the procedure, the hydrophobic AHS is
adsorbed on the XAD-8 resin at pH 2. The quantity of resin and the
adsorption and desorption conditions were based on the
hydrophobic-hydrophilic separation of Leenheer (1981). An
illustration of the procedure is presented, followed by a description

of the amount of resin used in this study for the AHS concentration.
353 Determination of Resin Adsorbent Capacity

Adsorption of organic solutes on XAD-8 resin, followed by
elution, fractionates dissolved organic carbon | (DOC) by
hydrophobicity (Leenheer, 1981). The polarity of the solute and the
ratio of the quantity of resin to the volume of water passed through
the resin bed control the  arbitrary hydrophobic-hydrophilic
designation. The hydrophobic-hydrophilic break, however is not
clear-cut, but is operationally-defined as the separation in which
the crossover of hydrophilic solutes into the hydrophobic fraction

can be mathematically defined. Hydrophobic solutes are defined in
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DOC fractionation as those solutes that are greater than 50%
retained on XAD-8 at a given ratio of resin to water passed through
the column, and hydrophilic solutes are defined as those that are
greater than 50% eluted at the same ratio of resin to water (Malcom,
Thurman, 1979; Leenheer, 1981). This hydrophobic-hydrophilic
designation in fractionation adsorption chromatography s
illustrated in Figure 3.1. The diagram shows the breakthrough curve
of a hypothetical organic solute from an XAD-8 column effluent. The
breakthrough curve of Figure 3.1 shows that the integrated area of
solute adsorption equals the integrated area of solute elution at:
V=2 VE (3.1)
where V is the total elution volume and VE is the elution or
breakthrough volume.

It is useful to refer to the column distribution coefficient
K'0.5 which is the coefficient of a hypothetical solute 50% retained
and 50% eluted at the hydrophobic-hydrophilic break. K'o.5r, also
called the hydrophobic-hydrophilic break, is determined by the
following calculations.
The breakthrough (or elution) volume VE of a solute from an XAD-8
resin column can be described as:

VE = Vg (1+k') (3.2)

Where
Vo is the void volume and K' the mass of solute sorbed on
XAD-8/mass of solute dissolved in water.
However, since the breakthrough volume VE  where the effluent

concentration is 50% of the influent concentration, does not
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correspond to the effluent volume of 50% retention, a new term
V0.5r. is defined as:
Vo.sr=2VE (3.3)
To define the hydrophobic-hydrophilic break K'g g, for Vg 5,
equation 3.3 is substituted into equation 3.2:
0.5Vg.5r = V0 (1+K'g 5) ' (3.4)
or
Vo.5r =2 Vo(1+K'0 51) (3.5)
For example, for a liter water sample processed through a
DOC fractionation whose hydrophobic break is at K'g 5, = 50, the
following calculation can be made to determine the quantity of
XAD-8 resin required:
Vo.5r = 1000 mL
K'o.5r = 50
1000 mL = 2 Vg (1+50)
therefore Vg = 9.8 mL
However, if the void volume of XAD-8 resin is 60% of its bulk
volume as measured in this work, a 9.8/0.65, or 15 mL column of

XAD-8 resin would be required.

3.54 XAD-8 Resin Cleaning and Column Packing

The resin used, XAD-8, was obtained from Rohm and Haas
(Rohm and Haas Co., Philadelphia, PA) and prepared by washing the
beads with equal volumes (500 mL/ 200 g of resin) of 0.1N NaOH for

five successive days to remove monomers and soluble, uncrosslinked
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polymers. The resin was subsequently Soxhlet extracted sequentially
for 24 hours with methanol, diethyl ether, acetonitrile, and
methanol until ready for use. Before column packing, the
resin-methanol solution was rinsed into a large beaker with Milli Q
water by a slurry technique. The resin Was packed as a
methanol-water slurry and then rinsed with Milli Q water until free
of methanol. Approximately 50 bed volumes of water were passed
through the column until the DOC of the effluent to the column
remained equal to that of the influent. The packed column was
further rinsed 3 times, alternating from 0.1N NaOH to 0.1N HCI each
time. The rinsing removed impurities which might otherwise be
incorporated into the sample. The final rinse was with 0.1N HCI
followed by Milli Q water. The pH was monitored to insﬁre that the
resin was acidic (pH 2). The column was immediately used following
the cleaning. The resin beads were never drained throughout the
process. The beaker containing the resin-cleaning agent slurry, and
the column were covered with aluminum foil to prevent light from
promoting any bacterial growth. The coiumn was leveled and two
siphon systems were set up to pump the water and the desorbing
flow through the column. As indicated in Figure 3.2, the flow was

controlled by the water level above the effluent port.
3.55 Concentration

The collected swamp water was filtered through a

prewashed (Milli Q Water), 80 um fine mesh screen to remove
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Figure 3.2: Schematic of aquatic humic substances concentration
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sediments and debris. The water was then filtered through a cleaned
0.45 um silver membrane filter (Millipore Co., Bedford, MA) to
remove suspended matter. The cleaning of the filters for this, and
all other uses consisted of washing with successive volumes of
Miili Q water until the DOC of the filtrate remained equal to that of
the Milli Q water. After filtration, the water sample was acidified
to pH 2 with 0.1N HCI and siphoned through the cleaned XAD-8 resin
column at a flow rate of 15 bed volumes per hour. The determination
of the adsorption and desorption conditions is presented in Section
3.4.3. The hydrophobic AHS adsorbed on the XAD-8 resin was
desorbed with 0.1N NaOH at a flow rate of 5 bed volumes per hour. To
enhance recoveries, the sample which eluted ahead of the 0.1N NaOH
eluate was saved and recycled through the XAD-8 column. The eluate
was pumped through a 50 mL Fisher AGMP-50 cation exchange resin
(Fisher Scientific Co., Pittsburgh, PA) for salt removal. The pH of the
concentrated AHS was then adjusted to 7 to prevent denaturation of
the AHS at a high pH. This eluate was used as a stock AHS solution.
A standard curve shown in Figure 3.3 served to prepare the desired
solutions of known DOC. A linear relationship was observed between
UV absorbance and DOC as shown in Figure 3.4. Care was taken to
store the solution in a dark glass sampling container at 40 Celsius.
The UV spectroscopy (Figure 3.5) indicates that the concentrated
humic substances had a featureless spectra. This is consistent with
other research on AHS (Schnitzer, 1972; Edzwald et al., 1985; Hundt,
1985) that have also shown that UV absorbance decreases with

increasing wavelength.
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3.6 PARTICLE SEDIMENTATION

Wyoming bentonite clay (Georgia Kaolinite Co., Elizabeth,
N.J.) was selected to represent the standard particle. 5000 mg/L of
bentonite was kept in a 0.001 N NaCl suspension. The sedimentation
procedure, based on Stokes' Law, was adapted from Black (1965).

The bentonite suspension was vigorously stirred using a
Hamilton Beach#33 Mixer (Hamilton Beach Co., Racine, WI!) and
poured into a 1000 mL sedimentation column. The time required for
2 um particle to settle a distance of L was determined by the

Stokes' Law equation:

t = 18nl/g(pg-p1) X2 (3.6)

where:

n = 0.0087 poise at 190C

X = particle diameter (m)

g = 9.81 m/sec?

p1= density of water (g/l)

pg= density of particle (g/l)

L = length of column cm

t = time required for the particle to fall distance L (sec)

The 'description and conceptual basis for the procedure is
presented in the Appendix. The procedure was repeated five times
with a settling time of 8 hr as indicated in Table A1 for every liter
of suspension. The final supernatants from the sedimentation column

were combined and used as a stock bentonite suspension with known
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turbidity. standard curve based on dilution of the stock bentonite
suspension vs turbidity. The volume of stock required to make a
suspension of known turbidity was determined from the standard

curve shown in Figure 3.6.
3.7 JAR TEST PROCEDURE

Jar test experiments were designed to evaluate the
treatability of raw water sources containing varying concentrations
of AHS and SO42-- As indicated in Chapter 2, aluminum salts are
among several salts successfully used to remove AHS and other
contaminants from solution. Parameters such as pH, coagulant
dosage, coagulant type, and the presence of other ions in solution are
of primary significance in the process. The purpose of this study
was to develop an experimental protocol that would enable one to
investigate the impact of varying parameters su_ch as pH, AHS, and
S042- concentration on the treatment process. The set up was based
on the factorial design shown in Figure 3.7. The low and high levels
of AHS, SO42-, and pH were 0 and 8 mg/L as DOC, 0 and 50 mg/L, and
4 and 7, respectively. The ranges were chosen to bracket ranges

commonly found in surface water.

3.71 Coagulant used

Aluminum chloride was used in the jar test instead of

aluminum sulfate, the coagulant of choice in conventional water
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treatment to avoid confounding the experiment because sulfate was
one of the variables being studied.

Since protons are liberated in the hydrolysis of aluminum
creating acidic conditions, a pH Stat (Fisher Scientific Co.,
Pittsburgh, PA) was used to maintain a constant pH for each
aluminum chloride coagulation experiment. Furthermore, hydroxide
consumption, associated with the hydrolysis precipitation of

aluminum was quantified by recording the amount of 0.1N NaOH used.
3.7.2 Raw Water

The raw water was prepared according to the variables at
each level of the factorial design shown in Figure 3.7. The AHS and
turbidity were added from the stock AHS solution and the stock
bentonite suspension. In addition, the raw water contained 0.001M
NaCl, 40 mg/L CaCOg alkalinity (NaHCO3), and 5 NTU turbidity.

5 L of raw water were prepared for each run as indicated in
Table 3.3. Predetermined volumes of stock AHS solution, the
bentonite suspension, 1000 mg/L stock Naci, 1000 mg/L stock
NaHCOg3, and 1000 mg/L stock sulfate solutions were transferred
into 7.6 liter glass bottles to make the appropriate concentrations
needed (Table 3.3). Milli Q water was added up to about 4.5 liters.
The pH of this solution was adjusted and the solution was made up
to final volume with pH adjusted Milli Q water. The pH of the final
solution was again readjusted if needed to the desired value. The

water was stirred overnight at room temperature, and the pH was
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Figure 3.7: Levels of the factorial design

Table 3.3: Raw Water Concentration for Each Run

Ran# 1 2 3 4 5 6 7 8 9
oH 7 55 7 7 4 4 4 4 7
Ifat

SIS 0 25 0 0 0 5 5 0 5

AHS O 4 8 8 8 0 8 0 O
(mg/h



95

readjusted as necessary. 1 L was collected to characterize the
original sample. The remaining 4 L were used for the coagulation at
each of four aluminum dosages: 1, 2, 3, and 4 mg/L as aluminum.
Aluminum standards were prepared daily from reagent grade
AICl3.6H20 to avoid the aging process that may alter the

homogeneity of the coagulant.

3.7.3 Jar Tests

Batch jar tests were performed in a 1500 mL Plexiglass
reactor (Figure 3.8) using a volume c¢f 1000 mL. Sample collection,
coagulant and 0.1N NaOH addition, and pH probe insertion were done
through connection ports on the cover of the reactor. Aluminum
chloride and the 0.1N NaOH solution were simultaneously added to
the reactor 6.4 cm below the surface. During coagulant and hydroxide
addition, the solution was stirred at 350 rpm with a GKH Heavy Duty
Laboratory Stirrer (GK Heller Co., N.Y.) equipped with a 2.54 X 7.62
cm propeller. The G value was about 572 (see Appendix).

The NaOH solution was added by the pH stat until the pH
stabilized. The aluminum chioride solution was added through a
burette with a syringe at the tip. This injection technique was used
to insure a uniform dispersion of the coagulant, preventing
localized precipitate formation.

The 350 rpm mixing intensity was maintained for 15
seconds after which it was reduced to 65 rpm (G = 46, see Appendix)

for 20 minutes. 5 mL samples were collected every 5 min from the
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Figure 3.8: Jar test reactor
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beginning until the end of the slow mixing for particle count
determination. The volume of 0.1N NaOH was also recorded at 5 min
intervals. The OH- demand was generally satisfied within the first
5 min of the run.

At the end of the 20 min slow mixing period, 100 mL of
sample was collected for aluminum speciation analysis as described
in Section 3.6.4. Care was taken to collect the sample before
stopping the stirrer to ensure that no settling took place prior to
sample collection. After 1 hr of settling, 500 mL of supernatant was
collected. 500 mL were collected for turbidity and particle count
analysis. The remaining sample was filtered through a washed
Whatman 40 (8 um) filter and analyzed for dissolved organic carbon
(DOC), residual aluminum, turbidity, particle count, S042-, and UV

absorbance at 254 nm.

3.7.4 Aluminum Speciation

The procedure for determining the species of aluminum in
solution was adapted from Hundt (1985). The original procedure
(Figure 2.11) groups aluminum into 5 categories: precipitated
aluminum hydroxide, large OH-Al polymers, medium OH-Al polymers,
small OH-Al polymers, and monomeric Al species.

Two categories were differentiated: aluminum precipitate,
and dissolved aluminum. Aluminum precipitate referred to the
fraction of aluminum that remained on a 0.45 um membrane filter

after vacuum filtration. The four other species that passed through
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the membrane filter were grouped into one category and referred to
as dissolved aluminum. Residual aluminum was generated during the
jar test. It was the aluminum fraction measured in the sample after
coagulation, settling, and filtration.

Aluminum precipitate was also generated in the adsorption
isotherm studies in Section 3.8. Aluminum solutions were prepared
from reagent grade AICI3.6H20 or Alum. The sample was vacuum
filtered through a 0.22 um membrane filters. 'I_'he aluminum
precipitate which remained on the filter was dissolved in 100 mL 6N
HCI. Preliminary studies indicated that &N HC! was appropriate to
dissolve the precipitate. The aluminum concentrations were

measured by atomic absorption spectrophotometry (AAS).

3.8 KINETICS AND ADSORPTION STUDIES OF SULFATE AND
AQUATIC HUMIC SUBSTANCES ON ALUMINUM
PRECIPITATE

3.8.1 Reactor Description

Sulfate and AHS adsorption on pre-formed aluminum
precipitates were investigated. A 200 mL capacity Amicon Stirrer
Ultrafiltration Cell Model 8200 (Amicon Co., Danvers, MA) (Figure
3.9) was adapted to study the adsorption isotherm. The following
sequential steps were taken to assemble the cell. The 0.22 um
membrane filter was placed in the membrane holder assembly (3),

and the O ring (8) put on top of the filter and gently pushed down to
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make sure it contacted and seated the filter evenly in the bottom
holder (3). The holder was fit into the cell body (2), aligning the tabs
on the sides of the holder with the slots in the base of the cell body.
The cell body, with the filter holder, was inverted and the base was
screwed firmly into the bottom of the cell body. The stirrer
assembly (6) was placed into the cell body. When properly inserted,
the arms of the stirrer assembly sat on a small ridge inside the top
of the cell body.

The sample was then transferred into the cell and the pH
adjusted with the Fisher Titrimeter while No was bubbled though
the cell. The cell cap was put into place after the solution pH was
adjusted. Using a twisting motion, the cap assembly (1) was pushed
on as far as it would go. The nitrogen inlet port (10) was aligned
directly opposite the filter holder. The pressure relief valve was
turned to the horizontal position (open). The cell was slid into the
retaining stand (5). The ring on the cell base was placed in the hole
in the stand base making sure to obtain flattened edges on the
bottom flange of the cap. This ensured that the cell was inserted
properly, and any rotation of the cell in the stand was prevented.

The pressure relief valve was closed (turned to the vertical
position). The nitrogen inlet line (10) was attached to the cap by
screwing it onto the cap. The cell was placed on a Nova |l
(Thermoclyne Co., Dubuque, lowa) magnetic stirrer, held in place and
pressurized (10 psig) with nitrogen. The stirring rate was adjusted
so that the vortex was not more than one fifth of the liquid volume.

Filtration was done under nitrogen pressure by releasing the pinch
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clamp on the filtration tubing (11).

After filtration, the nitrogen was turned off first, the cell
was depressurized by turning the pressure valve to the off position.
The cell was removed from the retaining stand and disassembled by
removing the cap with a twisting motion, removing the stirrer by
pulling it out of the cell body, and unscrewing the base from the cell
body. The filter was transferred into a sampling bottle and the O
ring was placed into a 250 mL beaker. The O ring was rinsed with 50
mL of Milli Q water and the rinse water was poured into the
sampling bottle containing the filter. Concentrated HCl was added to

the sampling bottle to make a 6N HCI solution.

3.8.2 Procedure

The results of the hydrolysis/precipitation of Al(lll)
(Chapter 4) indicated that the titration curves of aluminum chloride
and aluminum nitrate were similar suggesting a similar aluminum
hydroxide precipitate formation. As a result, the experiments were
only conducted with aluminum chiloride and aluminum sulfate.

Two separate experiments were conducted at this stage. In
the first experiment, predetermined volumes (Vi) of aluminum
standard solutions were prepared daily from reagent grade aluminum
chloride or aluminum sulfate. The aluminum solutions were
transferred into the ultrafiltration cell containing a 0.22 um
membrane filter. The solution's pH was adjusted to 5.5 or 7.0 with

2N NaOH using a fixed end point titration program on the Fisher
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titrimeter. Nitrogen was bubbled through the solution with a gas
diffusion stone while the pH was adjusted, Nitrogen bubbling
prevented atmospheric COo from affecting the pH of the solution.
The initial aluminum solution pH values usually dropped to 3.2.

The reactor was then covered and bianketed with 10 psig of
No. The solution was slowly stirred for 30 min with a Nova Il
magnetic stirrer (Thermoclyne Co., Dubuque, lowa), followed by 1 hr
of settling. The clamp closing the sampling port was opened
allowing the solution to pass through the membraﬁe filter. The
pre-formed aluminum precipitate remained on the filter. A rinse
volume of pH adjusted Milli Q water equal to the pH of the initial
aluminum solution was added to the reactor. The pH of the rinse
water was adjusted to that of the aluminum solution used to make
the precipitate (5.5 or 7) prior to its addition to the cell. The
reactor cover was put into place and blanketed again with No (10
psig). This solution was slowly mixed for 10 minutes and filtered
under No pressure.

The rinse volume, established during preliminary
experiments, consisted of rinsing the AI(OH)3s with pH adjusted
incremental volumes of Milli Q water untii no additional aluminum
was detected in the filtrate (based on AAS). At pH 7, no aluminum
was detected in the filtrate compared to less than 1% at pH5.5. The
rinse volume also provided for rinsing the wall of the reactor to
make sure that all the precipitate was available for adsorption.

The pH of the adsorbate (sulfate, AHS, or AHS and sulfate)

standard was adjusted to either 5.5 or 7 to correspond to the pH at
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which the precipitate was formed. The ‘rinse water pH was brought
to 5.5 or 7. The adsorbate solution was transferred into the reactor
cell containing the precipitate and the adsorption carried out. Three
procedures were followed with the solution in the reactor under No
(10 psig).

The first procedure consisted of slowly stirring the
solution and collecting filtered samples over time to determine
equilibration time. The equilibration time was defined as the time
after which no significant adsorption was observed. The filtrate
sample was always collected after wasting 2 mL which was
equivalent to twice the volume of liquid in the sampling tube. This
was done to avoid cross contamination of the samples. The results
from the equilibration experiments indicated that for AHS
adsorption on both aluminum sulfate and aluminum chloride
precipitates, no significant additional adsorption took place after a
1 hr equilibration time.

The S042- equilibration time was even shorter on the
aluminum chloride precipitate. Virtually all of the adsorption took
place within a 30 min equilibration time compared to 1 hr for AHS.
No additional SO42- adsorption took place on aluminum sulfate (see
Chapter 4).

The second experimental procedure consisted of
transferring pH adjusted SO42- or AHS standard into the reactor cell
containing the AI(OH)3s. The solution was equilibrated for 1 hr as
established in the previous procedure. The entire solution was

filtered. A new solution was again transferred into the reactor,
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equilibrated for 1 hr, and filtered. This was repeated at least four
times. This procedure was performed to determine the maximum
amount of adsorbate that could be adsorbed.

The third procedure, representing the final adsorption
isotherm, consisted of equilibrating the reactor solution for 1 hr,
and then filtering the entire solution. The filtrate and standard
adsorbate concentrations were then measured.

In the second experiment, 55 mL of aluminum solution was
transferred to a 100 mL volumetric flask. 10 mL of an 88 mgDOC/L
stock AHS solution was added and the volume was made up to 110
mL, giving a solution containing about 400 mg/L aluminum and 8
mgDOC/L AHS. 50 mL of this solution were transferred into the cell
and the pH adjusted to 5.5 or 7.0 with the Fisher titrimeter while
bubbling No through with a gas diffusion stone. The cell cap was put
into place and the solution was stirred under No (10 psig) for 30 min
and settled under quiescent conditions for 1 hr. The solution was
then filtered and rinsed.

The pH adjusted AHS or SO42- solution was transferred into
the cell and stirred under an No blanket for 1 hr. The solution was
filtered, and the filtrate characterized. Similar experiments were
also conducted where the DOC was increase about 65 mg/L.

The aluminum precipitate remaining on the filter in both
experiments was dissolved in 50 or 100 mL of 6N HC! and its
aluminum concentration was measured using the AAS. Preliminary
experiments indicated that the aluminum precipitate dissolved in 6N

HCI and the amounts of AHS and sulfate adsorbed on the filter were
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undetectable with the analytical procedure used. A mass balance
indicated that 93 to 100% of the aluminum was recovered with this
procedure. Unlike other glassware, the reactor was not acid washed
because of fear of deterioration due to prolong contact with acid. It
was rinsed five times, and immersed in Milli Q water overnight or

between runs.

3.9 SENSOR FOR ALUMINUM MEASUREMENT BASED ON
IMMOBILIZED MORIN

3.9.1 Apparatus

The diagram of the fluorescence sensor and its associated
instrumentation (Figure 3.10) was taken from Saar (1980). The
sensor consisted of a photomultiplier tube housing with a variable
slit width and the capacity to hold filters, a digital photometer
power supply, two dielectric interference filters, a bifurcated fiber
optic threaded to fit the other components, and a tungsten halogen
lamp. Additional information can be obtained in Seitz et al. (1980),
and Seitz et al. (1988).

The excitation filter had a peak transmittance at 420 nm
and a band width of 10 nm at half the maximum transmittance. The
emission filter had a peak transmittance at 488 nm and a bandwidth
of 7 nm. The excitation spectra of the immobilized morin and its
aluminum complex on the optic surface were measured with an SLM

8000 spectrofluorometer equipped with an MC 300 manual
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monochromator. Measurements were made by attaching the
excitation and emission arms of the bifurcated fiber optic to the
source, and the detector lens housing in the sample chamber, by

means of light-tight aluminum fittings.

392 Immobilization Procedure

Morin was immobilized on cellulose according to the
procedure described in Russell (1989). The followihg procedure
presents the preparation and entrapment of the cellulose matrix in
polyvinyl alcohol matrix.

1 gr of molecular weight 14000 polyvinyl alcohol (PVOH)
(Aldrich) was weighed out into a clean dry beaker. 20 mL of
spectra-analyzed reagent grade acetone (Fisher) and 13.17 mg of
cyanuric chloride were added to the beaker. The solution was stirred
at 00 C for 40 min. After this reaction was completed, the solution
was transferred to a weighing bottle and allowed to dry at room
temperature. The sample was then transferred to a Buchner funnel
and suction filtered. The filtrate was washed with copious amounts
of acetone and transferred to a weighing bottle and allowed to dry at
room temperature.

After drying, the sample was transferred to a clean, dry 50
mL beaker to which was added 21.7 mg of morin (Fisher Scientific)
and 20 mL of acetone. The mixture was stirred at 400 C for 30 min.
After completion of this reaction, the product was transferred to a

Buchner funnel and suction filtered. The filtrate was washed in
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acetone and allowed to dry at room temperature.

The amount of morin immobilized was determined
spectroscopically. The resulting cyanure chloride/morin/PVOH
conjugate was then cross linked with glutaraldehyde under acidic
conditions. The sensor was prepared by transferring 3 pul of the
PVOH indicator solution to the end of the bifurcated fiber optic
bundle immediately after glutaraldehyde and HCI had been added to

initiate cross linking.
3.93 Analyses

The initial goal of checking the performance of the probe
following a modified USEPA designed Quality Assurance and Quality
Control Procedures for Instrumental Analysis (1980) was
abandonned because several problems were encountered. A trouble
shooting procedure was instead implemented. The analyses relied on
previous studies by Seitz et al. (1983). Aluminum measurements
were taken with morin immobilized with both cellulose matrix
described by Seitz et al. (1983), and the PVOH matrix described
herein. The optimun pH for the procedure was found to be 4.8. A
similar conclusion was reached in preliminary experiments in this
study.

Aluminum standards were prepared by dissolving the
appropriate amounts of aluminum stock solution with acetate buffer.
The minimum fluorescence intensity detectable was with an

aluminum concentration of 106 M. Longer diffusion time was
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observed at concentrations higher than 10-3 M. The performance of
the instrument was checked within this range.

A series of tests were performed to determine the
performance of the instrument while varying the solution pH from
4.0 to 7.0. A series of samples were prepared at varying pH values

and the fluorescence intensity was recorded.



CHAPTER 4

RESULTS

Results from laboratory experiments used to investigate the
influence of sulfate in aluminum coagulation of water are grouped
into four sections. The titration curves used to evaluate the
hydrolysis precipitation of Al(lll) are presented first. Aluminum
chloride, aluminum nitrate, and aluminum sulfate titration curves
are compared along with the effects of acidification of the
aluminum solutions and increasing sulfate concentration in an
aluminum chloride solution.

The data for the study on the implication of aluminum
speciation and interaction with the contaminants are presented in
the aluminum coagulation work. The results include the hydroxide
demand (OH- demand), aluminum species, DOC, UV, turbidity, particle
counts, and sulfate. Analysis of variance (ANOVA) was performed
to compare the efficiencies of aluminum dosages for each
treatment condition. The Duncan muitiple range test was chosen
because it accounts for the differences in removal mechanisms of
coagulation at the levels of the factorial design. All comparisons

were made at the 95% confidence level. The experiments and
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analyses were designed such that the estimate of the error

associated with the center point of the factorial design was the
overall estimate of error.

The third section focuses on adsorption, one of the two main
removal mechanisms reported in the coagulation study. The results
of experiments examining sulfate and aquatic humic substances
(AHS) adsorption on aluminum precipitate are presented. The first
phase of the adsorption study consisted of investigating the
adsorption of sulfate and AHS on aluminum precipitate formed with
aluminum chloride and aluminum sulfate at pH5.5 and 7. The
aluminum precipitates were formed by dissolving aluminum chloride
or aluminum sulfate in water. The pH was then adjusted and the
adsorption experiment was carried out. The procedure in the second
phase was altered to simulate more closely water treatment
conditions. In this phase, concentrated AHS was added to the
aluminum solution and the pH adjusted to form the aluminum
precipitate. The data were fitted to Langmuir and Freundlich
isotherms.

The results of the morin based Al(lll) fluorescent sensing
analytical method are presented and discussed in the appendix
because we were not successful in developing and implementing the
objectives sought. The evaluation of the procedure consisted of

trouble shooting and developing a frame work for future research.



4.1 SULFATE IN AL(Ill) HYDROLYSIS/PRECIPITATION

Several aluminum solutions were titrated with NaOH to pH
above 12. The results were analyzed by developing the titration
curves for each AI(lll) solution. The titration curves were compared
and the specific characteristics of each curve interpreted. In
addition, a series of experiments were conducted in which
aluminum chloride solutions were prepared with incrgasing sulfate
concentrations by addition of NapSO4. The aluminum solutions were
titrated with NaOH to study the potential impact of varying sulfate

concentrations.

4.1.1 Titration of Aluminum Chloride, Aluminum Nitrate

and Aluminum Sulfate Solutions

Titration curves relating bound hydroxide per total aluminum,
r, as a function of pH of three different aluminum solutions are
shown in Figure 4.1. Bound hydroxide per total aluminum, also
referred to as the formation function r, reported by Sullivan et al.
(1968) is defined as:

r = [OHJ/[Al] (4.1)
where [OH-]p is the molar concentration of hydroxide bound by the
aluminum, and [Al]t is the total aluminum concentration in solution.
The concentration of hydroxide bound is equal to the hydroxide

originally present in solution, plus the amount that has been added,
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Figure 4.1: Titration curves relating the formation

function r ([OH]b/[Al]t) to pH (Solutions titrated:
2 L of 1400 ma’L Al(lI1)
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less the amount that is present in the final solution. The formation

function gives the average number of moles of hydroxide bound per

mole of aluminum. The r value is a good indicator of the reaction of

OH- with aluminum.

Figure 4.1 shows that the titration curve of aluminum

chloride is similar to that of aluminum nitrate. Both curves present

three characteristics:

(i)

(iif)

an exponential increase in pH occurred at [OH-]p/[All}
ratios of up to 0.3 followed by the development of a plateau
in the [OH"]p/[Al]} ratio range of 0.3 to 3. The pH increased
from 2 to 4 before stabilizing within the first 0.3
[OH"]p/[Al}} ratio change.

a sharp jump in pH was observed at [OH-]p/[Al]lt of 3. The
change in pH per change in [OH-]p/[Al] was identical to the
0<[OH-]p/[Allt< 0.3 region. The pH increased from 4 to 12. A
very small second plateau was noted for the aluminum
chloride titration curve at [OH-]p/[Al]t ratio of 3. The shape
of the plateau was much narrower than the first plateau.
Replicate titration curves did not show the second plateau
consistently.

a visible floc formed for both curves at about [OH-]p/[Al]t
ratios of 2.69 (Aluminum nitrate), and 2.79 (aluminum
chloride). The floc was a dense, gel like material which
settled quickly upon standing.

There were four major differences between the aluminum
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nitrate and aluminum chloride titration curves compared to

the aluminum sulfate titration curve:

(i) the aluminum sulfate titration curve ran below the former
two for the entire [OH-]p/[Al]t range.
(i) a smaller slope of the sulfate curve occurred in the region

of [OH-]p/[Al]t ratios of less than 0.5.

(tit) a dense precipitate appeared at a lower [OH-]p/[Al]t ratio

of 0.6.

(iv) the final difference was the appearance of a third plateau

(not to be confused with the second plateau reported by De

Hek et al., 1978, with aluminum nitrate) with midpoint at

[OH"-]p/[Al]y Of 4.7 (pH10.5). The third plateau was not

observed by any of the previous investigators because they

discontinued their titration at pH of about 10. The third

plateau appeared only at pH above 10.

Resuspension of the aluminum precipitates began for all the
titrated solutions at the earlier stage of the third plateau. The
resuspension was noted at [OH-]p/[Al]; ratios of 3.75 (pH10.88), 3.75
(pH10.69), and 4.81 (pH10.55) for aluminum nitrate, aluminum
chloride and aluminum sulfate solutions respectively. The turbidity
of the solution changed gradually. The solution varied from a dense
gelatin white precipitate (amorphous precipitate) to colorless.
Little 2N NaOH addition was generally required above pH 10 to

observe the change.
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4.1.2 Impact of Increasing Sulfate Concentrations and

Acidification on the Aluminum Titration Curves

Figure 4.2 shows the results of the titrations where several
varying sulfate concentrations were added to the aluminum chloride
solutions to give AI:SO4 molar ratios of 1:1.5 and 1:3. The resulting
curves are strikingly similar to the titration curve of aluminum
sulfate solutions. The same major components of the titration curve
of aluminum sulfate solutions were observed.

At low [OH-]p/[Al]t ratios, the small slope identical to the
slope observed on the aluminum sulfate titration curve was noticed.
The precipitate formation was first noted in the low [OH-]p/[Al]} of
about 0.7. The first plateau occurred within the same [OH-]p/[All}
range. The sharp jump in pH at [OH-]p/[Al]} around 3.2 followed by
the development of the third plateau and the subsequent dissoiution
of the precipitate in the pH range above 10 were also noted.

The increase of the Al:SO4 molar ratio to 1:3 (open squares in
Figure 4.2) did not significantly affect the characteristics of the
titration curves. The curve followed the same general trend. No
further increase in Al:SO4 molar ratio was investigated.

The characteristics of the titration curves of acidified
aluminum solutions are shown in Table 4.1. The aluminum solutions
were acidified to pH2 before titration. Acidification of the
aluminum solutions prior to titration did not affect the

characteristics of the curves.
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The aluminum hydrolysis species interactions with contaminants

was the subject of the results of the coagulation study presented
next. The results were obtained from aluminum chloride coagulation
of water containing sulfate, AHS, and particulate at varying pH

values.

4.2 ALUMINUM COAGULATION RESULTS

A jar test study was performed to evaluate the removal of HA
and particulate matter from water. The raw water was prepared by
adding bentonite clay, NaHCOg, NaCl, AHS, and NasS0O4 to Milli Q
water. The concentrations of the contaminants and the pH were
adjusted to the level of the factorial design described in section 3.6.
The water samples corresponding to each level of the factorial
design were treated with aluminum chioride coagulant dosages of 1,
2, 3, and 4 mg/L as aluminum. The pH was maintained constant at
each level with a pH stat. The control of pH required the addition of
0.1N NaOH.

The results of the removal efficiencies will be reported as
remaining measured parameter (C/C0) versus aluminum dosages (1,
2, 3,and 4 mg/L). The Duncan multiple range results are presented
for all 9 experimental conditions within a given aluminum dosage
block. The results of the center point are replicates of four separate
experiments. The estimate of error for the center point is reported.

The overall statistical comparison among the variables of the
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factorial design (pH, aquatic humic substance, and sulfate) is shown

in Table 4.2.
42.1 Hydroxide Demand

The addition of aluminum to water can result in acid
formation and a drop in pH because of the hydrolysis of aluminum.
The OH- demand measured for each jar test was generally satisfied
within 1 to 2 minutes after the aluminum chloride addition. The
results are shown in Figure 4.3 and the statistical comparison in
Table 4.3.

The OH- demand was significantly greater at pH7 compared
to pH4 for all the treatment conditions. The difference in the OH-
demand was due to the higher acid formation when the initial pH
was greater. The pH dropped after the aluminum coagulant addition
in both cases. However the depression was much higher when the
initial pH was 7 A greater amount of OH- was then required to bring
the pH back to 7. This was also true at pH5.5. The OH- demand
increased with increasing initial pH values.

The presence of sulfate did not significantly affect the OH-
demand at pH4 when AHS concentration was 0 mgC/L. The same
observation was seen when the AHS concentration was increased to
8 mgC/L. The variation of the aluminum dosage from 1 to 4 mg/L
produced a steady increase in the OH demand for all the treatment

conditions.
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The addition of 8 mgC/L AHS to the water samples at pH4,

with sulfate concentrations of 0 and 50 mg/L, resulted in a
significant increase in OH- demand in both cases. The increased OH-
demand due to 8 mg/L AHS addition was 0.33x10-4 M (0 mg/L
sulfate), and 0.15x10-4 M (50 mg/L sulfate) at the aluminum dosage
of 1 mg/L. The effect of AHS addition was more pronounced at
higher aluminum dosages. The hydroxide demand reached 0.66x10-4
M (0 mg/L sulfate) and 0.40x10-4 M at aluminum dosage of 4 mg/L.

At pH7, an almost 1 to 1 relationship existed between the
number of moles of hydroxide added to maintain the pH constant and
the aluminum dosages (mg/L). With no AHS in solution, the addition
of 50 mg/L sulfate resulted in a decrease in OH- demand with all
four aluminum dosages. The decrease varied from 0.39x10-4 M at the
aluminum dosage of 1 mg/L to 0.44x10-4 M at the aluminum dosage
of 4 mg/L. The difference no longer existed when the AHS
concentration was 8 mg/L.

In contrast to the results of the OH- demand at pH4, the
addition of 8 mgC/L AHS did not systematically increase the
demand in the water samples with sulfate concentration of 0 and 50
mg/L. When sulfate concentration was 0 mg/L, the demand decreased
significantly only when the aluminum dosage was greater than 1
mg/L. The decrease dropped from 0.33x10-4 M at the aluminum
dosage of 2 mg/L to 0.55x10-4 M at the aluminum dosage of 4 mg/L.
No consistent change occurred when sulfate concentration was 50

mg/L. A significant decrease was noted at the aluminum dosages of
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1 and 2 mg/L, but no difference was noted when the aluminum

dosage was 3 and 4 mg/L.

The OH- demand range at pH5.5 was much closer to the
results of pH7. The 1 to 1 relationship was also observed. The
demand ranged from 0.79 10-4 M at the aluminum dosage of 1 mg/L
to 4.35 10-4 M at the aluminum dosage of 4 mg/L.

The data was transformed to obtained the formation function
r ratios ([OH-]b/[Al]t) for each experimental condition. The r results
are presented in Table 4.4. The [OH]b was equal to the [OH-] added in
this experiment because the pH was maintained at a constant level.
The initial and final [OH-] values were equal. It should be noted that
AHS (high and low levels of the factorial design) and particulate
bentonite were added to the water samples.

The r ratios vary from 0.17 (pH4, 50 mg/L sulfate, 0 mgC/L,
and aluminum dosage of 3 mg/L) to 3.57 (pH7, 0 mg/L sulfate, 0
mgC/L, and aluminum dosage of 2 mg/L). Significantly lower r values
were obtained at pH4.

At pH4, and AHS concentration of 0 mgC/L, the addition of 50
mg/L sulfate resulted in a significant increase in r values at the
aluminum dosages of 1 mg/L only. The formation function r increase
was 0.24x10-4M. No difference existed at the aluminum dosages of 2
through 4 mg/L.

The addition of 8 mgC/L AHS consistently increased the r
ratios regardless of the variation in sulfate concentrations. The

formation function change as a function of sulfate concentration
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varied from 0.31x10-4M to 0.89x10-4M (0 mg/L sulfate), and from

0.33x10-4M to 0.41x10-4M (50 mg/L sulfate).

Higher r values were observed at pH7 because of the higher
OH- demand. A decrease in r with the addition of 50 mg/L sulfate
occurred when AHS concentration was 0 mgC/L. A significant
increase in the aluminum precipitate was seen for the same
condition (Figure 4.2) at all the aluminum dosages. The shift to the
lower r ratio by the addition of sulfate seemed to have resulted
from the increased amount of aluminum precipitate.

The shift in r ratio was also observed with the aluminum
hydrolysis experiments. Aluminum precipitation occurred at a lower
r ratios (0.5) because of sulfate addition. The low r values, however,
were in the pH region of 3 to 4. The difference could be due to pH
recording procedures. In the jar tests, the pH was maintained
constant while the pH values in the hydrolysis éxperiments were not.

The r ratios did not vary consistently with 0 or 50 mg/L
sulfate mg/L addition for AHS concentration of 8 mgC/L at pH7. The
ratio decreased at the aluminum dosage of 1 and 4 mg/L, and

increased at the aluminum dosage of 2 and 3 mg/L.
422 Aluminum
Two sets of aluminum results are reported. The first set

includes the results of the aluminum speciation experiments. One

hundred mL of solution collected after the 20 min slow mixing
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period during the jar tests were split through the aluminum

speciation procedure as described in Chapter 3. The aluminum in the
precipitate retained on the 0.45 um membrane filter and the
fraction in the filtrate are referred to as aluminum precipitate and
dissolved aluminum respectively. It should be emphasized that no
further distinction was made between species, i.e., organically
bound aluminum or rapidly reactive aluminum. The other set, the
residual aluminum, is the aluminum measured in the finished water

(after rapid mix, slow mix, sedimentation and filtration).
4.2.2.1 Aluminum Precipitate and Dissolved Aluminum

The aluminum precipitate formation at varying aluminum
chloride dosages is shown in Figure 4.4. The aluminum dosage ranged
from 1 mg/L to 4 mg/L. The analysis of variance (ANOVA) results are
presented in Table 4.5.

Significantly more aluminum precipitate was formed at
pH7 compared to pH4 for all four aluminum dosages. The aluminum
precipitate increased consistently with increasing initial aluminum
dosages at pH7. The increase however, was not as consistent at pH4
because little precipitate existed.

The effect of the addition of 50 mg/L sulfate to the water
sample with 0 mgC/L varied with the aluminum dosage at pH4. No
difference occurred at the aluminum dosage of 1 mg/L. A decrease

was noted at the aluminum dosage of 2 mg/L (300 pg/l 198 pg/l),
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and 3 mg/L (306 ug/l to 192 ug/l), followed by an increase (240

pug/l to 462 ug/l) at the dosage of 4 mg/L.

The addition of 50 mg/L of sulfate, with 8 mg/L AHS present
did not consistently affect the aluminum hydroxide formation at
pH4. The aluminum precipitate was not significantly different at the
aluminum dosage of 1 mg/L. The precipitate increased at the
aluminum dosage of 3 mg/L (450 g/l to 670 pg/l ), and decreased
significantly at the aluminum dosages of 2 mg/L (504 ug/l to 410
ug/l), and 4 mg/L (646 pg/l to 542 ug/l).

The addition of AHS resulted in a significant aluminum
precipitate formation at the aluminum dosages greater than 1 mg/L
(pH4). The aluminum precipitate concentration was significant
regardless of the sulfate concentration. The increase varied from
198 ug to 410 ug/l at the dosage of 2 mg/L, and 462 ug/l to 542
ug/l at the dosage of 4 mg/L, when sulfate concentration was 50
mg/L. When no sulfate was added, the increase varied from 300 pg/|
to 504 ug/l, and 240 ug/l to 646 ug/l, at the aluminum dosage of 2
and 4 mg/L respectively.

At pH7, the aluminum precipitate increased significantly
with the addition of 50 mg/L of sulfate. The only exception was at
the aluminum dosage of 1 mg/L with AHS concentration of 8 mg/L
where no difference existed.

The sulfate addition caused a 24.6%, 16.1%, and 11.1%
increase for aluminum dosages of 2, 3, and 4 mg/L respectively

when AHS concentration was 8 mgC/L. The increase was 12 %, 7%,
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10.4%, and 9.5% at the aluminum dosages of 1, 2, 3, and 4 mg/L

respectively for AHS concentration of 0 mg/L.

The addition of 8 mgC/L AHS to the water containing 0 mg/L
sulfate (pH7) resulted in a consistent decrease in the aluminum
precipitate at aluminum dosages greater than 1 mg/L. The decrease
varied from 1708 pug/l to 1140 pg/l at the dosage of 2 mg/L, 2550
ug/l to 1560 ug/l at the dosage of 3 mg/L, and 2990 ug/l to 2016
pg/l at the dosage of 4 mg/L. The decrease was as consistent when
8 mgC/L AHS was added to the water containing 50 mg/L sulfate.
The impact of AHS addition at pH7 was opposite the effect of AHS
addition at pH4.

The amount of aluminum precipitate formed at the center
point was as high as the amount formed at pH7. The amount
increased with increasing aluminum concentration.

The dissolved aluminum resuits (Figure 4.5, and Table 4.6)
correlated well with the aluminum precipitate formation. More
dissolved aluminum were found at pH4 than at pH7. The more
aluminum precipitate formed, the less the dissolved aluminum.

A few exceptions were observed at pH4, with AHS
concentration of 8 mgC/L. The dissolved aluminum concentration
decreased by 23 ug/l, 130 pg/l, 300 ug/! at the aluminum dosages
of 1, 2, and 3 respectively, and increased by 295 g/l at the
aluminum dosage of 4 mg/L, with the addition of 50 mg/L sulfate.
The aluminum precipitate did not vary at the aluminum dosage of 1

mg/L, decreased by 94 ug/l, at aluminum dosage of 2
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mg/L, and 104ug/l at aluminum dosage of 4 mg/L. The precipitate

increased at the aluminum dosage of 3 mg/L. The discrepancy could
be due to the experimental technique and the relatively low

aluminum precipitation at pH4.
4222 Residual Aluminum

The residual aluminum concentrations after filtration of the
treated water through Whatman#40 (8um) are presented in Figures
4.6 and Table 4.7. The use of the large size filter makes the
interpretation of the data harder because the filter was not small
enough to retain all the small aluminum precipitate. This is
reflected by the high residual aluminum measurements in the
finished water samples.

Less residual aluminum was measured at pH4. The residual
aluminum concentration ranged from 103ug/l (50 mg/L sulfate, 0
mgC/L, and aluminum dosage of 2'mg/L) to 378 ug/l (50 mg/L
sulfate, 0 mgC/L, and aluminum dosage of 1 mg/L). Sulfate did not
have a significant impact at pH4.

At pH7, the residual aluminum concentration ranged from 110
pug/l (0 mgC/L, 50 mg/L sulfate, aluminum dosage of 3 mg/L) to 520
ng/l (8 mgC/L AHS, 0 mg/L sulfate, and aluminum dosage of 3 mg/L).
The addition of 50 mg/L of sulfate improved the residual aluminum
concentration when AHS concentrations were 0 mg/L and 8 mgC/L.

The decrease in the residual aluminum concentration was higher
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when no AHS was present.

423 Removal of Dissolved Organic Carbon and

Ultraviolet Absorbance

The results of Dissolved Organic Carbon (DOC) and UV
measurements after filtration are presented in Figure 4.7 and Figure
4.8, respectively. The results of the statistical analysis are shown
in Table 4.8. No AHS was added to the raw water for the jar tests
corresponding to the low level of the factorial design. The DOC
measurements of the low level were below the detection limit of
the TOC analyzer (0.2mg/l).

The residual DOC at pH7 ranged from 0.7 (50 mg/L sulfate,
aluminum dosage of 2 mg/L) to 0.9 (0 mg/L sulfate, and aluminum
dosage of 4 mg/L). The addition of 50 mg/L sulfate significantly
improved the DOC removal by 16% at the aluminum dosage of 4
mg/L. The lower residual DOC was confirmed at the aluminum dosage
of 3 mg/L with the UV data. No significant differences were noted at
lower aluminum dosages.

Maximum DOC removal was achieved at the center point (4
mgC/L AHS, 25 mg/L sulfate, pH5.5). The AHS residual dropped from
0.98 to 0.23 at the aluminum dosages of 1 and 4 mg/L respectively.
The highest removal was obtained with the aluminum dosage of 4

mg/L.
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The residual AHS concentration was lower at pH4. With 50

mg/L sulfate added, the DOC residual varied from 0.89 at the
aluminum dosage of 1 mg/L to 0.57 at the aluminum dosage of 4
mg/L. The variation was 0.78 at the aluminum dosage of 1 mg/L to
0.43 at the aluminum dosage of 3 mg/L. The addition of 50 mg/L of
sulfate decreased the DOC removal by 23% at the aluminum dosage of
4 mg/L, as opposed to the 16% improvement seen at pH7. The shift in
the UV measurement occurred at the aluminum dosage of 2 mg/L

compared to 3 mg/L at pH7.
4.2.4 Turbidity and Particle Count

Turbidity removal before filtration at pH4 ranged from 29%
(50 mg/L sulfate, 8 mgC/L AHS, and 1 mg/L aluminum dosage) to
92% ( 0 mg/L sulfate, 0 mgC/L AHS, and 4 rﬁg/L aluminum dosage)
as seen in Figure 4.9 and Table 4.9 a).

The addition of sulfate to the water containing no AHS did
not have a significant impact on the residual turbidity. However,
sulfate increased the residual turbidity before filtration when 8
mgC/L AHS was added to the water at all but the aluminum dosage of
2 mg/L. The residual turbidity increased ranged from 9% (aluminum
dosage of 3 mg/L) to 61% (aluminum dosage of 1 mg/L) before
filtration. The turbidity increased after filtration (Figure 4.10 and
Table 4.9 b) was not as consistent. The difference was only

significant at the aluminum dosages of 1 and 4 mg/L.
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The particle count results (Figure 4.11 and Table 4.11) were

opposite the turbidity data with 8 mgC/L AHS. Sulfate decreased the
residual particle count at the aluminum dosages greater than 1
mg/L. The results suggested that a greater number of smaller
particles, not detectable by the particle counter were formed when
sulfate was in solution.

An increase in residual turbidity occurred with the addition
of 8 mgC/L AHS to the water sample with 50 mg/L sulfate. No
significant increase was observed when the sulfate concentration
was 0 mg/L.

Particle formation ahd growth to nonfilterable size occurred
at pH7 when AHS concentration was 8 mg/L. The final turbidity
values (before and after filtration) were consistently greater than
the initial turbidity at all the aluminum dosages. The residual
turbidity before filtration ranged from 1.27 (50 mg/L sulfate, and
aluminum dosage of 1 mg/L) to 2.73 (0 mg/L sulfate, and aluminum
dosage of 4 mg/L). The range was 1.16 (0 and 50 mg/L sulfate, and
aluminum dosage of 1 mg/L) and 2.04 (50 mg/L suifate, and
aluminum dosage of 4 mg/L) after filtration.

The turbidity residual before filtration ranged from 0.07 (50
mg/L sulfate, and aluminum dosage of 1 mg/L) to 0.11 (0 mg/L
sulfate, and aluminum dosage of 1 mg/L) with no AHS present. Little
improvement was noted after filtration.

The data summarized in Table 4.10 showed that particle

formation and growth occurred for all the treatment conditions with
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the addition of aluminum. The particle number increased above the

initial particle number before the initial five minutes of sampling
during coagulation. The data did not show a consistent difference

among the experimental conditions.

4.2.5 Sulfate

Sulfate removal occurred at all pH values as shown in Figure
4,12 and Table 4.12. However, no consistent difference was noted.
The variation of sulfate or AHS concentration impacted little the
residual sulfate measurements.

The overall statistical comparison of the variable shown in
Table 4.2 shows that pH was the most important variable in term of
the measured parameters. The only exception was with the sulfate
data where .. the effects among pH, sulfate, and AHS on the
parameter measured did not differ. The variation of AHS had more
impact on the measured parameters than sulfate variations.

The aluminum hydrolysis experiments and the jar tests
results have demonstrated the formation of aluminum precipitate at
varying r values. AHS and sulfate were removed by either adsorption
on the precipitate and/or precipitation by the aluminum hydrolysis
species. The pH or r values can be used to delineate the zone for the
mechanisms of AHS and sulfate removal. The following adsorption
experiments were conducted to study the adsorption of AHS and

sulfate on the aluminum precipitates. The goal was to develop the
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adsorption isotherms of AHS and sulfate at pH 5.5 and 7.

4.3 ADSORPTION ON AIUMINUM PRECIPITATE

The adsorption procedures consisted of forming the
precipitates with either aluminum chloride or aluminum sulfate and
then adsorbing different AHS and sulfate concentrations. Aluminum
nitrate was not used because it was shown in Section 4.1 that its
hydrolysis precipitation was similar to that of aluminum chloride.
The similarity suggested that the nature of the precipitates formed

with these coagulants were’ identical.

43.1 Characteristics of Aluminum Precipitate

The aluminum precipitate in the adsorption study was formed
on 0.2 um membrane filters. The 0.2 um membrane filters were
custom made to fit the reactor cell used for the isotherm. The
membrane filters used for the aluminum precipitate formation in
the coagulation study were 0.45um in size. A series of aluminum
precipitates were formed to determine whether there was a
difference between the two filters. The comparison in Tables 4.13
shows that there was no difference between the aluminum
precipitate formed with the 0.2 um filter and the 0.45 um membrane
filters.

A quality check was performed to quantify the amount of
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AHS and sulfate adsorbed on the 0.2 um membrane fiiter. The data in

Table 4.14 shows that little AHS and sulfate was adsorbed to the
0.2um membrane filter. The concern over aluminum loss during the
aluminum precipitate formation was also addressed. The data of
Figure 4.13 was used to calculate the aluminum loss through the
precipitation process. A mass balance on the aluminum in the
aluminum standard, the filtrates, and the rinse water gave 93 to
104% recoveries.

The results of the aluminum precipitate formation are shown
in Figure 4.13. No difference existed between the precipitate formed
with either aluminum chloride or aluminum sulfate (which could
also be referred to as hydroxyl-aluminum-sulfate because of sulfate
incorporation, see Section 4.1) precipitate. The pH variation from 5.5
to 7 did not affect the amount of aluminum precipitate formation.

The results were consistent with the theoretical aluminum
species formation described by the aluminum stability diagram of
Figure 2.10. AI(OH)3 solid is the predominant aluminum species for
the aluminum concentration ranges of 10 to 150 mg at both pH5.5
and 7. The 1 to 1 slope observed in Figure 4.4 confirmed that most
of the aluminum was in the precipitate form.

Two forms of aluminum precipitate were prepared for the
adsorption study. The first consisted of forming the aluminum
precipitate with either aluminum chioride or aluminum sulfate. The
aluminum was dissolved in Milli Q water and the pH adjusted to 5.5

or 7. The second form consisted of precipitate formed with Al(lll)
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and AHS solutions. AHS was added to the aluminum solution before

pH adjustment. The later precipitate form is closer to water

treatment conditions because it contains AHS.
43.2 Equilibration Time

The equilibration times for the adsorption of AHS on the
aluminum  chloride and aluminum suifate precipitates are shown in
Figure 4.14. AHS adsorption took place quickly. No significant
additional adsorption was observed after 1 hr equilibration time.
This was true at either pH for both types of aluminum precipitates.

AHS had a higher affinity for both aluminum precipitates at
pH7. The surface concentration (amount of AHS adsorbed per amount
of aluminum precipitate, X/M) was 0.117 for aluminum sulfate, and
0.103 for aluminuh chloride after t hr equilibration time. The X/M
ratios dropped to 0.08 for both adsorbants at pH5.5.

The X/M ratio for AHS adsorbed on the. aluminum sulfate
precipitate at pH7 (0.117) was greater than the X/M for AHS
adsorbed on aluminum chloride precipitate (0.103). Little difference
existed between the aluminum precipitates at pHS5.5.

Sulfate adsorption on the aluminum chloride precipitate was
quicker (Figure 4.'15). Virtually no noticeable adsorption was
observed after 30 min equilibration time compared to 1 hr for AHS.
The 30 min was sufficient for both pH5.5 and 7. The affinity of

sulfate for the aluminum chloride precipitate was opposite that of
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precipitates
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AHS. The X/M at pH5.5 was 0.28 compared to 0.2 at pH5.5. Little

sulfate was adsorbed on the aluminum sulfate precipitate regardless
of the pH.

4.3.3 Adsorbent Capacity

The results of experiments designed to evaluate the
adsorption capacity of AIl(lll) precipitate adsorbent are shown in
Figure 4.16 and Figure 4.17. Twenty mg of the aluminum precipitate
were formed at either pH5.5 or 7. Fifty mL of the AHS adsorbate was
sequentially equilibrated, four times, for 1 hr at each sequence. The
same procedure was repeated for the sulfate adsorbate. The amount
of aluminum precipitate and the volume of adsorbate were increased
to about 140 mg (100 mL of 14 00mg/l Al) and 100 mL respectively.

Figure 4.16 indicated that the total AHS adsorbed was a
function of the concentration of the adsorbate solution. Successive
replenishment of the adsorbate AHS solution caused an additional
adsorption of AHS. The adsorption capacity of the adsorbent was not
totally exceeded even after the 3rd and 4 th sequences.

The adsorption capacity of the aluminum sulfate precipitate
did not vary with pH until the third sequence. The adsorption
capacity was increased at the third and fourth sequences at pH5.5.
The identical AHS adsorption for the first sequence at pH5.5 and 7
contrasted with the results of the equilibration experiments. The

equilibrium surface concentration in the equilibration experiments
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was higher at pH?7.

No difference existed at the first sequence between the
adsorption capacity of the aluminum chloride precipitate at pH5.5
and 7. The adsorption capacity at pH5.5 was almost twice the
capacity at pH7 for the later sequences. The affinity of AHS for the
aluminum sulfate precipitate was higher than that of aluminum
chloride at both pH values.

The data indicated that the equilibration condition reached
after 1 hour reflected an equilibrium between the adsorbent and the
adsorbate solution. The equilibrium condition was not the condition
for maximum adsorption.l The results suggest that the AHS
adsorption on the two aluminum precipitate followed a multi-layer
type of adsorption.

The aluminum chloride adsorbent capacity was exhausted
after on‘ly the first sequence of adsorption of sulfate (Figure 4.16).
No additional adsorption occurred with the remaining 3 sequences at
both pH5.5 and 7. The adsorption capacity was greater at the lower
pH5.5.

Little adsorption occurred for the adsorption of sulfate on
the aluminum sulfate precipitate. The results agreed with the data
of Figure 4.17). Sulfate had a greater affinity for the aluminum

chloride precipitate at pHS5.5.
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4.3.4 Aquatic Humic Substances Adsorption oh Aluminum

Precipitate

Adsorption isotherms of AHS and their Langmuir and
Freundlich transformation are shown in Figures 4.18, 4.19, and 4.20.
Figure 4.18 confirmed the greater affinity of AHS for the aluminum
sulfate adsorbent. The surface concentration for a 10 mgC/L
residual AHS concentration was about 0.05 mg/mg for the aluminum
chloride adsorbent. The ratio almost doubled to about 0.1 mg/mg for
the aluminum suifate adsorbent.

Figure 4.19 shows that the data fit Freundlich best. The
Freundlich fit was consistent with the initial observation where
successive adsorptions on the aluminum chloride and aluminum
sulfate precipitates did not result in a saturation of the adsorption
sites. AHS adsorption continued until the 4rth sequence of
adsorption. The surface concentration of AHS did not approach a
saturation value as the concentration increased. The Freundlich
constants for the isotherms are shown in Table 4.15.

Other experiments were conducted to determine whether the
addition of AHS to the aluminum solution would impact the
adsorption phenomenon. The aluminum precipitate was formed by
mixing the aluminum chloride or aluminum sulfate and AHS solutions
and adjusting the pH to 7. The resuits are summarized in Figures
4.21 and 4.22.

The aluminum to carbon ratio (mass ratio) was 45 to 1 in
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Table 4.15: Freundlich Equilibrium Constants for the Adsorption of
AHS on Aluminum Chioride and Aluminum Sulfate Precipitates.

pH 7 55

Constants n a n a
(mg/mg) (mg/mag)

AICI3.6H20

Precipitate 1.09 5.6 1073 1.25 8.3 103

Alum

Precipitate 1.06 11.7 1073 1.64 33.1 10°3

n = constant

a = mass AHS adsorbed/mass aluminum precipitate

the first set of experiments (black circle in Figure 4.21 and 4.22).
The data fit Freundlich best. The slope of the curves indicated
that adsorption of AHS occurred during the precipitate formation for
both the aluminum chloride and the aluminum sulfate precipitates.
The ratio of aluminum:C was varied to 5.6 to 1 in the second
set of experiments (open triangle) with the aluminum chloride

adsorbent to determine the impact of the increased AHS



logX/M

-0.6

aQ Alum
-0.8 - ® Alum:C of 45:1

1.0
] ]

-1.2 -

1.4 -

aa

-1.6 -

-1.8

r m
-2.0

0.0 0.5 1.0
logCe

Figure 4.21: Aquatic humic substances adsorption

on aluminum sulfate precipitates at pH7

169



logX/M

-0.2

O AICI3.6H20

® AICI3.6H20:C of 45:1
A AICI3.6H20:C ratio of 5.6:1

-0.6

logCe

Figure 4.22: Aquatic humic substances adsorption
on aluminum chioride precipitates at pH7.

170



171
concentration on the isotherm. The isotherm was not impacted by

the increase.

435 Sulfate Adsorption on Aluminum Precipitate

Sulfate adsorption results fitted Langmuir best as shown in
Figures 4.23 and 4.24. The surface concentration (X/M) was higher at
pH7 the saturation surface concentration was about 2.5 mg/mg at
pH5.5 compared to 0.3 mg/mg at pH7. The increased X/M at pH5.5 was
also noted for the determination of adsorption capacity. The
Langmuir constants are given in Table 4.16.

The addition of AHS in the aluminum chloride precipitate to
give an aluminum:C ratio of 45:1 at pH7 resulted in the disruption of
the Langmuir model as shown in Figure 4.25.

The data in Table 4.17 confirms the conclusion that no
sulfate adsorption took place on the aluminum sulfate precipitate.
The data was collected by carrying out the adsorption experiment
with sulfate and aluminum sulfate as the adsorbate and adsorbent
respectively. The sulfate concentration in the filtrate after
adsorption was equal to that of the adsorbate sulfate solution
concentration.

The results showed, however, that sulfate was removed
because the total sulfate added to the reactor cell was greater than
the total sulfate filtered. Similar to the adsorption results, a

greater amount of sulfate was removed at pH5.5.
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Table 4.16: Langmuir Equilibrium Constants for the Adsorption of
Sulfate on Aluminum Chloride Precipitates.

Constants b Q Line of best fit
(I/mg) (mg/mg)

pH7 5.3 10-3 0.32 (581/Ce +3.1)

pH5.5 0.199 0.47 (10.61/Ce + 2.11)

b = empirical constant
Q = Maximum mass of adsorbate/mass of adsorbent

The isotherm fits to Freundlich and Langmuir are shown in Figure
4.26 and 4.27. The plot of Ce against the surface concentration X/M in
Figure 4.26, however, did not indicate a maximum surface
concentration. The results do not give a conclusive sulfate removal
mechanism when sulfate is removed from solution during the

aluminum precipitate formation.
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436 Competition Between Aquatic Humic Acid and Sulfate

The results of the competitive adsorption studies of sulfate
and AHS on aluminum chloride precipitates are summarized in Table
4.18 and Figure 4.28. The data. in Table 4.18 was obtained from a set
of experiments in which a mixture of sulfate and AHS solutions were
adsorbed on the aluminum chloride precipitates. The experiments for
Figure 4.28 consisted of adsorbing sulfate to an AHS-aluminum
chloride precipitate. The precipitate was prepared by dissolving
aluminum chloride and AHS in Milli Q water to give the ratio of AlC
of 45:1 and 5.6:1. The pH of the solution was then adjusted to 7. The
AHS released was the amount of AHS measured in the sulfate
solution after adsorption.

The variation in pH values did not impact the competitive
adsorption behavior of AHS when aluminum chloride was the
adsorbent. The surface concentration (X/M) ratio was about 0.1
mg/mg at pH5.5 and 7. The surface concentration, however, was
decreased, from 0.09 mg/mg at pH7 to 0.07 mg/mg at pH5.5 with the
formation of the aluminum chloride with AHS. The observed decrease
in AHS adsorption was also noted with the results of AHS adsorption
on aluminum precipitate in Section 4.3.2. AHS adsorption took place
during the aluminum chloride precipitate formation when AHS was
added to the aluminum solution prior to forming the precipitate.

The presence of sulfate in the adsorbate AHS solution

increased to more than 3 times the surface concentration for the
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adsorption of AHS on aluminum chloride. The X/M corresponding to 8.6

mg/L AHS concentration after adsorption (Ce) in Figure 4.18
corresponded to about 0.03 mg/mg while the X/M for the same Ce was
0.09 mg/mg when the AHS adsorbate contained sulfate.

The surface concentration (X/M) for sulfate adsorption on the
aluminum chloride precipitate decreased with increasing pH. The
ratio dropped from 0.34 mg/mg at pH5.5 to 0.16 mg/mg at pH7. A
similar pH variation was observed for the adsorption results of
sulfate on the aluminum chioride precipitate (Figure 4.18).

In contrast to the AHS adsorption, little variation of the X/M
ratio occurred when AHS was added to the sulfate adsorbate. The X/M
ratio for a Ce concentration of 150 mg/L sulfate was about 0.15
mg/mg for the adsorption of sulfate on the aluminum chioride
precipitate (Figure 4.18). The X/M ratio for the same Ce was 0.14
mg/mg when AHS was added to the sulfafe adsorbate at pH7.

The X/M ratio corresponding to a sulfate concentration Ce of
104 mg/L was about 0.4 mg/mg at pH5.5 for the adsorption of sulfate
on aluminum chloride adsorbent (Figure 4.18). The ratio decreased to
0.35 mg/mg when AHS was added to the sulfate adsorbate.

Sulfate was adsorbed to the aluminum chloride-AHS adsorbent
at pH5.5. No sulfate adsorption occurred at pH7. The X/M ratio was
less than the ratio for the adsorption of sulfate on the aluminum
chioride precipitate.

The adsorption results of Figure 4.28 showed that
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preadsorption of AHS to the aluminum chloride precipitate did not
suppress sulfate adsorption at pH7. AHS was exchanged for sulfate
on the aluminum chloride precipitate. The amount of AHS ranging
from 0.08 mg to about 0.40 mg exchanged for about 1.4 to 3.8 mg
sulfate. The amount of AHS exchanged for sulfate did not vary with

the increases in the Al:C ratio in the aluminum chloride precipitate.



CHAPTER 3

DISCUSSION

The interpretations and implications of the results
presented in Chapter 4 are discussed. The reasons for the
similarities and differences among the hydrolysis/precipitation of
the AI(lll) solutions investigated are explored along with the impact
of varying pH, sulfate, and aquatic humic substances on aluminum
chloride coagulation process. The adsorption of AHS and sulfate on
the aluminum sulfate and aluminum chloride precipitate are
compared and the importance of their competitive adsorption
examined. The discussion of the sensor for Al(lli) based on
immobilized morin is presented in the appendix. The sensor
experimental procedure was modified and the discussion will be

limited to steps taken to trouble shoot the procedure.

5.1 HYDROLYSIS PRECIPITATION OF AI(lll)

The titration results presented in Figure 4.1 and 4.2
suggested sequential aluminum species formation with increasing
[OH-]p/[Al}t ratios. The monomers predominate at low r values. The
monomers hydrolyze further into polymers to make up the major
aluminum species in the first plateau region. Aluminum hydroxide

formed at the end of the plateau followed by the predominance of
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aluminate ion at the higher r values.

The predominance of monomeric species has generally been
agreed on in the region of 0<[OH-]p/[Al]t<0.5 (Stol et al., 1976;
Nazarenko et al.,, 1969). Nazarenko et al. (1969) found that only the
monomeric species Al(OH)2+, Al(OH)2+, and AI(OH)3 were present.
The monomeric species were also found to be prevalent in solutions
with CA|3+ less than 5x10-5 M (Stol et al., 1976). The dimer
Alo(OH)24+ dominated, however, when the Al(lll) concentration was
increased to 5x102 M.

Theoretical aluminum equilibrium curves have been
developed based on the monomers (Sullivan and Singley, 1968). The
composition of the first plateau stretching over the range of
0.5<[OH"]p/[Al]t<2.5 as shown in Figures 4.1 and 4.2 can no longer be
explained only in terms of monomeric species. The plateau indicates
strong binding between OH- and aluminum as evidenced by the
flatness of the curves. Polymerization should be calledipon to explain
the plateau because the formation of simple monomers does not
require such a high OH- addition.

The general scheme of aluminum species formation could be
viewed as a series of steps. The small aluminum ion is highly
charged. As a result of this charge, it has a tight octahedral shell of
water molecules (AI(H20)63+) at low pH values (Figure 5.1 a).
Positively charged H+*, associated with the polar water ligand, is
oriented away from the aluminum atom, While the negatively

charged oxygen is oriented toward the aluminum atom (Schecher and
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Driscoll, 1988).

Under low pH conditions (low r), the aquo complex
(Al(H20)63+) remains intact because the H* activity in the bulk
solution is high. As solution pH increases the positive charge of
aluminum forces hydrolysis of a water ligand producing monomers
such as Al(OH)(H20)52+. Deprotonation enables the OH- ligand to
come slightly closer to the aluminum ion than the neighboring water
ligands. The degree of hydrolysis increases as pH increases and a
series of AI-OH complexes are formed. The first species are
therefore the monomers and dimers at low pH and [OH-]p/[All}
values. The formation of the monomeric and dimeric species of
aluminum have widely been reported (Driscoll and Letterman, 1988;
Hundt, 1985; Letterman, 1987; and Van Benschoten and Edzwald,
1988). The monomers and dimers can be represented by (H20 not
included):

A3+ + 2HO =  AJ(OH)2+ + H30O+ (5.1)
2AIB+ + 4HoO + = Alp(OH)o4+ + 2H30+ (5.2)

When the titration is continued, the charge density of the
aluminum molecule decreases, due to hydrolysis, and aluminum
begins to polymerize. Two monohydrated monomeric aluminum ions
may coalesce to form a dimer (Figure 5.1 b). The linkage of two
aluminum ions, separated by a dihydroxide bridge, is the basis of the
aluminum-hydroxide crystal structure (Driscoll and Schecher, 1988).
The dimers are not stable, and hydrolyze further to other polymeric

species. The hydrolysis results in a mixture of species, monomers
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and polymers, with the degree of polymerization gradually

increasing as the first plateau develops. Little mentioned is made of
the polymers in aluminum speciation methods because it is difficult
to measure them. The aluminum species that are instead reported
include the amount bound with ligands (Driscoll, 1984; Driscoll and
Letterman, 1988; Hundt, 1985; Letterman, 1987; Lindsay, _1979).

Eventually, when polymers do not predominate, a jump in pH
is observed as the OH- added is no longer bound to aluminum.
AI(OH)3(S) precipitation then occurs (r of about 2.7). At pH values
above the minimum AI(OH)3(S) solubility, the aqueous aluminum
concentration increases due to the formation of AI(OH)4-. The
precipitate starts dissolving but the pH does not drop because of the
increase in Al(OH)4- . The aluminate ion takes up the additional OH".
Al(OH)4" has been reported (Dempsey, 1987; De Hek, 1978; Hundt,
1985; Lindsay, 1979; Sigel, 1988).

The dissolution of the aluminum precipitate formed in the
aluminum solution containing sulfate results in the exchange of OH-
for SO42- at the higher r ratios where AI(OH)4- species
predominates. As a consequence, the pH stabilized and the third
plateau developed. The third plateau, hence, the substitution of OH-
for sulfate in the third plateau region confirms that an
aluminum-OH-SO4 precipitate was form during the aluminum sulfate
titration.

Two OH- sources accounted for the steady pH increase for

the aluminum chloride and aluminum nitrate solutions. One source
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was the OH- from the dissolution of the aluminum chloride and

aluminum nitrate precipitate. The excess OH- added during titration
was the other source.

The X ray diffraction analysis of aluminum precipitates by
other workers provides some relevant information to our results
(Vermeulen et al., 1975; De Hek et al., 1978). At pH values below 10,
the solids formed with aluminum nitrate were found to be either
amorphous or microcrystaline. At temperatures below 60°C, the
solid material is either amorphous or a poorly crystallized bayerite
(Al203.3H20). These precipitates consist of very small particles
that are difficult to separate from the liquid phase by filtration.
Well crystallized bayerite was present at room temperatures at
pH10. If the precipitate formed at 60°9C is aged at pH10, then
gibbsite is formed.

De Hek et al. (1978) found microbayerite in the precipitate
with 5x10°2 M Al and 7.5 1002 M SO42- at [OH-]p/[Al]t ratios
varying from 1.2 to 2.8. Below pH3, all precipitates were essentially
amorphous. Samples taken at [OH-]p/[Al]t ratio of 3 showed diffuse
diffraction bands characteristic of poorly crystallized boehmite.

The work of Vermeulen et al. (1975), Stol et al. (1976) De
Hek et al. (1978) has shown comparable aluminum speciation.
Vermeulen et al. (1975) and De Hek et al. (1978) noticed, however,
the development of a small second plateau with aluminum nitrate
(5x10-2 M Al; 1.5x10°1 M NO3-) at an [OH-]p/[Al}; ratio of 2.5. The

absence of the second plateau in most of the aluminum chloride and
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aluminum nitrate titration curves in this study could be due to the

rate of OH- addition. The occurrence of the second plateau reported
by these researchers was dependent on the method and rate bf OH-
addition.  The plateau was only noticed at a slow rate of 1 mL/min
base addition. A 10 mL/min dropwise base addition reportedly
seemed to have eliminated the plateau. The uncertainty on the exact
rate at which the plateau developed was evidenced as the plateau
diminished in extent with relatively higher base addition rate.
Evidence of the 'dependence of the rate of base addition on floc
formation has also been reported by Hayden and Rubin (1974) and
Smith and Hem (1972). The plateau was not consistently seen in this
research.

One may argue that the existence of the second plateau
observed by the previous investigators may be related to the
formation of bicarbonate according to equation 5.3.

2H20 + CO2 = HCO3" + H3O+ (5.3)
However, Vermeulen et . al. (1975) showed that the titration
experiments conducted with carbonate-free alkali hydroxide
solutions yield similar pH curves. Furthermore, at room temperature,
the inflection point due to the above reaction should occur at a pH
value of 6.33, which is higher than the pH value Vermeulen et al.
observed. They found that the first appearance of a colloidal solution
coincided almost exactly with the plateau. Light scattering analysis
obtained on samples of different ages (1 week to 2 months) all yield

an identical precipitate. It could therefore be concluded that the
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second plateau is associated with the formation of a solid phase.

The difference between the titration curves recorded in this
study provides the indication that the sequential aluminum
speciation can be altered by the anions present in solution. Sulfate
ion appears to have a greater role in affecting speciation than do
the chloride and nitrate ions probably because of its charge and size
difference. The NO3- and CI- ions have only one negative charge and
a planar structure. The planar shape will make these ions less likely
to change the nature of the aluminum precipitate. The sulfate ion has
two charges and a tetrahedral shape. The tetrahedral shape of the
sulfate ion will increase the various reactions with aluminum. The
incorporation of the sulfate ion in the solid precipitate would be
more likely, and the reshaping of the structure of the precipitate
may result. More interaction will also occur because of the oxygen in
the tetrahedral structure.

Several interactions between sulfate and aluminum are
possible. In acidic condition (low [OH-]p/[Al]t), aluminum is mainly
in the hydrated form as shown in Figure 5.1 a. The complex formation
reaction with sulfate, as shown in equation 5.4,

A3+ 4 S042- =  AISO4+ (5.4)
is likely to occur as reported by other investigators (Akitt et al.,
1969, Stryker et al.,, 1969; Hundt, 1985: Driscoll and Schecher,
1988). Kinetic measurements show that there is a distinction
between inner sphere (AISO4+) and outer sphere Al(H20)gSO4+

complexes. The predominance of either complex is not clear. Wendt
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(1969), in a Raman spectroscopic investigation, concluded that the

outer sphere complex makes the major contribution to the reaction
of complex formation. Nuclear magnetic resonance (NMR) studies by
Akitt (1969) suggested an exchange between water and HSOg4- in the
first coordination sphere of Al(lll).

The smaller slope in the acid region (pH<3) for the
aluminum sulfate titration curves may be explained by the formation
of sulfate-aluminum complexes such as AISOg+ and AIHSO42+ as
hypothesized by De Hek et al. (1978). The second dissociation of
hydrogen sulfate (HSO4- = SO42- + H+) may also support the
hypothesis of complex formation. The pKa of HSO4- dissociation is
2. The slope was noted at pH of 2.5 to 3.

The sequential steps of polymerization and the reported
observation of AI(OH)3(S) formation at the beginning of the second
plateau may give a convincing case for the argument made by de Heck
et al. (1978). These workers suggested that sulfate acts as a
catalyst which accelerates the formation of AI(OH)3(S) by lowering
the Kinetic barriers (energetic and/or entropic).

The planar 'polymeric species of aluminum have OH- bridges
connecting the AI(lll) cations. The planar units therefore are basal
planes of the b,ayerite or gibbsite lattices. These primary units,
considered the building blocs of AI{OH)3(S), are linked together into
a three dimensional structure by hydrogen bonding of additional OH-
ions and van der Waals interactions. Nucleation and initial growth

begin at this stage. Equation 4.6 is a hypothetical reaction scheme
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proposed by De Hek et al. (1978) to describe the precipitate

formation.

xAl3+(aq) + yOH-

polynuclear complexes
3 n 2 _ (5.5)
xAl3+(aq) + yOH- = precipitate (microbayerite)
S042- catalyst

The catalytic action of sulfate makes it impossible to
separate processes 1 and 2 in sulfate titration systems. The free
energy change accompanying polynuclear complex formation (process
1) and the catalytic effect of sulfate (process 3) may not differ
much because the titration curves in the first plateau region run
parallel. A relatively small and negative change in free energy must
thus attend process 2. Sulfate would lower the free energy of
activation for reaction 2.

There are two main objections to these proposed
mechanisms. The first is the free energy change accompanying
process 1 and 3. De Hek et al. (1978) did not give any evidence of
precipitation on the first plateau for the aluminum nitrate titration.
The small difference in free energy between process 1 and 3 would
suggest that precipitation in nitrate or chloride solutions should be
observed. It may be possible that proper experimental conditions

would result in confirming this point of view.
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The second argument was supported by our experimental

results. Titration to a higher pH value of 12 revealed a difference in
the resulting titration curves. In aluminum chioride and aluminum
nitrate solutions, no other inflection point was observed whereas in
all aluminum solutions containing sulfate, a third plateau occurred
as shown in Figures 4.1 and 4.2. The plateau should not have been
observed if sulfate were just acting as a catalyst in the formation
of AI(OH)3(S) because the catalystic effect does not explain the pH
stabilization over the r range noted on the third plateau.

Our results suggested that sulfate was incorporated in the
precipitate. This conclusion was supported by the equilibrium
calculations (ALCHEMI) which follows and the aluminum precipitate
formation in the coagulation work.

The equilibrium calculation results using ALCHEMI are
shown in Figures 5.2, 5.3, and 5.4. The calculations were made over
the pH range 2-12. The equilibrium constants of Table 5.1 were used
for the modeling. The concentrations of the water chemistry
parameters not of concern in our work , i.e. Ca2+, Mg2+, etc..., were
set to the minimum allowable by the model (10-10M). Consequently,
the predicted species involving the parameters were negligible.
Sulfate concentration in the aluminum nitrate and aluminum chloride
equilibrium calculation was set at 10-10M, so were the
concentrations of nitrate and chloride in the aluminum sulfate
calculation. Detailed information on ALCHEMI can be obtained from

Schecher and Driscoll (1988).
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Table 5.1: Thermodynamic Data for ALCHEMI Calculations
a) Agqueous data
b) Solid data
a) _—
log K H,, Lavinu
Reaction Value Reference Viiue
Al’S = H,O = AIOH?" - ~499 8ail et ai. [1980) 11.500
AP 2H,0 = AI(OH), " « 14~ -10.00 Bail et al. [1980) 22.000
AlP" + 4H,0 = AIOH), =~ = +H " -230 8ail et al. (1980] 41,060
Al>® 4+ F= = AlIF?* 7.02 Hem et al. [1973) 1,100
AP* 4+ 2F" = AIF,* 12.76 Hem et al. [1973] 2.000
AP’* + 3F" = AIF, 17.03 Hem et al. (1973] 2.500
AI’" + 4F~ = AIF, - 19.73 Hem et al. (1973] 2.200
A'® 4+ SF~ = AlF, 3= 20.92 Hem &1 al. [1973) 1,800
Al’* +50,% = AISO, * 301 Bail er al. (1980] 2150
AP" + 250, = ANSQO ), - 490 Bail er ai. (1980) 2340
H,CO, = H- + HCO, - -6.35 8ail et af. [1980] 2.247
HCO,' - 6CO, - -10.33 Buil et al. [1980) -3.617
CO,(g) = CO,iaq) - 1452 8all et ai. (1980) 5.000
H* - F* = HF 317 Bail et ai. (1980) 3,460
b)
H,. cai mou
Reaction Vatue Reference Vailue Reference
AUOH), + JH" = AI’* - JH,0
Svntheuc pdbsite L Maver ai [1979)
Naturat gibbsite 37 Alav et at. {1979}
Monocrystailine gibbsite 935 Hem et ai (1973] -~ 12,300 Bail er at (1930]
Amorphous aluminum tnhydroude 10.80 Stumm and Aorgan (19813
$A1,Si,0,i0H), « JH"
= Al'" + H 50, « iH,0
Kaoknue Jlo Stumem and Aorgen (1981)
Halloyse 5.64 Stumwm end Alorgen {1981)

AUGHISO, + H™ = AI>* +50,'" « H,0 -380

Nordstrom (1982}
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Aquo AI3+ was the predominant species between pH2 to 6

(Figure 5.3 a and Figure 5.3 b) for aluminum nitrate and aluminum
chloride. Aquo AI3+ and AI-SO4 complexes were in equal amounts in
aluminum sulfate (Figure 5.3 ¢ and 5.3 b). The concentration of AI3+
and Al-SO4 decreased at pH>4.4 in all cases. Low concentrations of
AIOH2+, and Al(OH)2+* increased up to pH5.0 and subsequently
decreased consistently to pH12. AI(OH)4- concentration increased
consistently to become the predominant species at pH values above
7.

The saturation indices shown in Figure 5.4, describe the
solid distributions. The model predicted synthetic, natural,
microcrystalline and amorphous gibbsite as Al-OH solid. No AI-OH
solid was formed below pH 4.0. Jurbanite (AlI-OH-SO4 solid) was
predicted at pH values 2 to 7 for aluminum sulfate Figure 5.5 a. The
theoretical calculations suggest that the solid formed in the
aluminum sulfate titration experiments was jurbanite.

The process leading to jurbanite formation at low r, and
pH values is not clear. Hundt (1985) suggested that the steric effect
can contribute to the formation of aluminum precipitate. The effect
may induce the rearrangement of aluminum and OH- in such a way to
favor AI-OH-SO4 formation at a lower [OH-]p/[Al]t ratio.

The species formation suggested are in agreement with
Hundt (1985). Hundt show that at low pH (pH<5.5) and low r values,
monomeric and small polymeric species of aluminum were present.

The same species were thought to be prevalent at the low r ratio in
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this study. As pH increased, medium polymers were formed in the

approximate pH range of 6 to 6.5. Concurrently, an increase in
Al(OH)3(S) developed. As the medium polymers and Al(OH)3(S) were
formed, a concomitant decrease in small polymers and monomers
took place. In the pH region of 7 and above, the predominant
aluminum species was AI(OH)3(S). The r values, the OH- demand, and
the aluminum species results of this study compared well with the
work of others (Mesmer, 1976; De Hek et. al, 1978; Hundt, 1985; and
VanBenschoten et al., 1988). These researchers have shown the
predominance of AI(OH)3(S) at high pH, and the variation of the
hydrolysis species of aluminum with pH.

The problem with this model is its limited scope. It was
designed for calculations of a specific physicochemical system;
acidic low ionic strength waters. The equilibrium equations are only
those of monomeric species. No polymeric species of aluminum were
considered. The calculations may, therefore, not reflect the exact
species formation. The anions interaction with ‘aluminum takes only
into account complexation. The steric effect was not considered.
Nevertheless, the prediction was close to our experimental data
despite the shortfalls of the model.

The equilibrium results of the titration experiments should
be interpreted with care because the technique may give kinetic
results and not necessary equilibrium data if the rate of reaction
with OH- is slower than the rate of addition of the titrant to the

aluminum solution. Stol et al. (1976), for example, investigated
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whether equilibrium was reached during the continuous titration by

performing a go-and-stop experiments in which

the base addition was interrupted at various stages ([OH-]p/[Al]}) of
the titration for long periods of time as opposed to the short periods
in this study. They found that in the [OH-]p/[Al]t range between
0<[OH"]p/[Al]t<2.5 the observed drift in pH (after stopping base
addition) was negligibly small but on the second plateau a noticeable
larger drift of pH with time was observed. This shift towards lower
pH persisted over a long period although the total change in [H*] was
not large. The pH drift was not observed in our experiments. The
addition of OH- was only interrupted for less than 1 minute after the
pH had been recorded.

No change occurred as the result of acidification of the
aluminum solutions prior to titration because at the lower r values,
little change can be expected. The aluminum will be predominantly in
the monomeric form. De Hek et al. (1978) noted also in their
experiments that acidification to pH as low as pH2 did not result in
a departure from the unacidified aluminum nitrate and aluminum

sulfate titration curves.
51.1 Summary
The titration curves giving the formation function r

([OH-]p/[Al]y) ratios versus pH showed that aluminum chloride and

aluminum nitrate have a similar hydrolysis/precipitation. A rapid
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increase in pH was observed for both aluminum solutions at low

[OH-]p/[Al}t ratio of 0.3. Monomeric and possibly dimeric species
were thought to predominate at the low [OH-]p/[Al]t ratios.

A plateau developed at [OH-]p/[Al]t ratios between 0.3 and
3. Polymerization of aluminum was suggested to have resulted in the
development of this first plateau where the increase in aluminum
polymers formation was responsible for binding of OH-. As a result,
no noticeable pH change occurred.

The pH increased sharply following the first plateau, when
aluminum polymerization was completed. An aluminum hydroxide
precipitate was formed at the end of the jump in pH at [OH-]p/[Allt
of about 2.7 (pH4.3) The OH- added after this stage was taken up in
the formation of AI(OH)4-. The aluminum precipitate started
dissolving at a pH value of 10.7 (OH-]p/[Al]t of 3.75.

Aluminum sulfate titration curve on the other hand
exhibited several differences. The curve ran parallel and below the
aluminum chloride and aluminum nitrate curves and developed a
plateau at [OH-]p/[Al]t ratio of 0.5. A smaller slope due, possibly, to
the second dissociation of sulfuric acid and the formation of
sulfate-aluminum complexes was noted in the acid region
(0<[OH"]p/[Al]t<0.7). Aluminum equilibrium model (ALCHEMI)
predicted AI-OH-SO4 solid (jurbanite) at the pH where a visible floc
was formed (lower [OH-]p/[Al]t ratio of 0.58). A distinctive third
plateau (different from a second plateau on the aluminum chloride

titration curve noted by De Hek, 1978) appeared at [OH-]p/[Al]t of
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4.5 at pH10.5.

Titration curves similar to that of aluminum sulfate curves
developed as a result of sulfate addition to aluminum chloride
solutions. The titration curves were not altered by varying the
Al:SO4 ratio from 1:1.5 to 1:3.

The characteristics of the titration curve remained
unchanged by acidifying the aluminum solutions prior to titration.
Sulfuric acid, nitric acid, and hydrochloric acid were used for the
acidification of aluminum sulfate, aluminum nitrate, and aluminum
chloride solution respectively.

Our experimental data have added two main contributions to
the work of others. First, the addition of sulfate to an aluminum
chloride solution results in the development of a titration curve
similar to that of aluminum sulfate titration curve. Increasing the
sulfate concentration to give an aluminum to sulfate molar ratio of
1:3 does not alter the titration curve. The results suggest that little
difference exists in the hydrolysis/precipitation of Al(lll) when
sulfate is present. Secondly, experimental evidence of an aluminum
sulfate precipitate was provided.

The data has also supported the aluminum species
distribution described by other researchers (Smith and Hem, 1972;
Hayden and Rubin, 1974, Vermeulen et al., 1975; De Hek et al., 1978;
Hundt, 1985). The aluminum species distribution was shown to vary
with r ratios. Monomeric and dimeric species are predominant at

low r ratios. These species polymerize as OH- concentration
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increase leading to the formation of a solid precipitate. Further OH-

addition results in the predominance of AI(OH)4- at pH values
greater than 7.

The implication of the titration results to water treatment
can be viewed from the following prospectives: 1) the choice of
aluminum coagulants, 2) the potential increase in sulfate
concentration in drinking water supplies treated with aluminum
coagulants, and 3) the relationship between the species formation
and the contaminants present in various water treatment conditions.

Aluminum sulfate would be the preferred coagulant because
most water treatment plants operate in the sweep floc zone. The
precipitate formation at low [OH"]p/[Al]t will necessitate less
hydroxide addition for the same aluminum concentration. But for
water supplies with sufficient amount of sulfate, there will be no
advantage of alum over aluminum chloride or aluminum nitrate in
terms of the hydrolysis/precipitation process because the
precipitate formation occurs at the same  [OH-]p/[Al]t ratio.
However, The health concern of CI- and NO3- , and cost
considerations will be the determining factor in selecting the
coagulant.

The data of the coagulation study, discussed below, was
obtained to further research the interaction of aluminum species
with sulfate and AHS in water treatment. The formation function, r,
and the aluminum species measurement of the experimental

conditions are compared. The Aluminum-hydroxide interactions, the
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effect of this interaction on the removal of AHS, particulate, and

the possible influence of sulfate, are analyzed.
5.2 ALUMINUM CHLORIDE COAGULATION

The OH- demand, formation function r, aluminum species,
DOC, turbidity and particle count, and sulfate data presented in
Figure 4.3 to 4.12. Table 4.12 indicated that pH had the most
influence in the coagulation of the AHS'and bentonite. The hydroxide
demand or the formation function were within the 0.17<r<3.57 range.
The values covered the range on the first plateau of the Al(lll)
titration curves only. The difference between these r values and
those of the AI(lll) titration curves were probably due to the
different experimental conditions.

The results of Hundt (1985) are of particular interest
regarding the influence of the formation function r. In a study of the
aluminum chloride speciation (Ait=10-3-75 or 4.8 mg/L), Hundt
reported r values ranging from 0.5 to 3.5. The aluminum
precipitation was done by dissolving the aluminum into distilled
water. The r value in our work ranged from 0.17 to 3.57 despite the
variation in experimental conditions.

The AHS and bentonite removals are related to the
formation function. At higher r values (higher pH), the predominant
AHS and particulate removal will be achieved via adsorption and

enmeshment on solid aluminum hydroxide. The adsorption and
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enmeshment removal mechanism prevail partially because of the

increase OH- demand, therefore the greater amount of aluminum
precipitate.

Charge neutralization/precipitation (CNP) will be prevalent
at the lower r values (low pH) because of the predominance of
dissolved aluminum. Little or no aluminum is involved in the
AI(OH)3(S) formation at lower r values. Less base is needed to
maintain the pH as a portion of the aluminum is complexed with the
HA and/or reacted in the CNP removal mechanism.

The aluminum precipitate formation relationship to pH was
consistent with the results of the solubility diagrams for AI(OH)3(S)
(Figure 2.10). The solubility diagram describes the distribution of
aluminum species with varying pH values. The diagram shows that
little or no AI(OH)3(S) is formed at pH4 with the aluminum dosage
range of 1 to 4 mg/L (our study). Al(OH)3(S) is the predominant
species at pH 7.

The high aluminum precipitate formation with increasing
pH values compared well with the results of other workers (Hundt
1985; VanBenschoten et al., 1988). Hundt (1985) noted that an
increase in aluminum precipitate did not occur until pH values
greater than 6. The difference in aluminum speciation formation
between our work and Hundt's may be the reason for the discrepancy.
Hundt formed the AI(OH)3(S) by dissolving aluminum chloride or
aluminum sulfate in distilled water. In this study, the precipitate

was formed with NaHCOg, NaCl, AHS, SO4, and particulate (5 NTU
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turbidity) in solution. The contaminants may well have affected the

amount of aluminum precipitate at various pH values.

The decrease in aluminum precipitate due to the addition of
AHS at pH7 (Figure 4.4) could be due to Al-Organic complexation. A
portion of the aluminum added can be involved in the complexation
with AHS. The complex formed may not be necessarily included in
the precipitate. As a result, less aluminum precipitate would be
measured when AHS are added to the water. The complexes not
accounted for would be included in the dissolved aluminum fraction.

The opposite conclusion at pH4, could be explained by the
difference in the removal mechanisms of AHS and particulates. At
such low pH, little aluminum precipitate existed. HA and particulate
contaminants are mainly removed by charge neutralization
/precipitation (CNP). The Al-organic interaction did not result in the
reduction of aluminum precipitate.

The high residual aluminum measured with the addition of
AHS (Figure 4.6) may be due to the increase in particulate aluminum
concentration. The particulate were not large enough to be removed
by filtration. The aluminum species and the residual aluminum data
suggested that aluminum was mainly in the precipitate form.
Filtration did not retain most of the precipitate because of the large
size pores of the filter. |

The results show that AHS removal was a function of pH,
aluminum dosage, and the initial AHS concentration. The relation

between these variables has been well documented (Akitt et al.,
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1972; Amirtharajah and Mills, 1982; Dempsey, 1987; Hundt, 1985).

The pH change results in various aluminum species formation. As a
result, a wide variation of AHS removal occurs because different
aluminum species react with the contaminants.

The DOC removal at pH7 corresponds to the region where
AI(OH)3(S) is the theoretical predominant aluminum species as
shown in Figures 2.10. The data obtained in the aluminum precipitate
formation in Section 4 (Figure 4.4) indicated the prevalence of
aluminum precipitate at pH7. The predominance of aluminum
precipitate at this pH value has been reported by Mangravite (1975),
and Hundt (1985). AHS removal at pH7 may be mainly attributed to
adsorption on the precipitate.

The work of Hundt (1985) demonstrated that the removal of
fulvic acid by adsorption occurs at an aluminum dosage of 10-3-75 M
and pH5. Adsorption was the predominant mechanism for fulvic acid
removal. The conclusion was based on the high AI(OH)3(S) formation
at pH values above 5. Adsorption at higher pH has also been
suggested by Matijevic (1973). Dempsey et al. (1984) reported that
adsorption of fulvic acid (FA) or aluminum-fulvic acid complexes on
AlI(OH)3(S) was an important mechanism in zone | defined on
pH-logAlt diagram. Zone | occurred entirely within pH-logAlt region
where precipitation of Al(OH)3(S) would occur in the absence of FA.

The dissolved aluminum measured in this research should
have a minimal impact on the AHS removal because of the

predominance of the aluminum precipitate. The measured dissolved
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aluminum may also not reflect the true dissolved aluminum

concentration. The separation using 0.45um filter is merely an
operationally-defined cut off between dissolved and precipitate
forms. The present dissolved aluminum portion may have contained
precipitate not retained on the 0.45 um membrane fiiter.

At pH4 where a better DOC removal was obtained, aluminum
is mainly in the dissolved form. The DOC removal is therefore
achieved, not through adsorption, but charge
neutralization/precipitation (CNP). CNP is the chemical reaction
between soluble cationic polymers and soluble anionic HA.
Hydrolyzed AI-HA interaction is wusually followed by the
precipitation of an aluminum humate. At this pH, it is likely that
monomeric and polymeric aluminum species are precipitating the
AHS. Higher aluminum dosages resulted in improving the DOC
removal.

The result at the center point of the factorial design should
be analyzed keeping in mind the levels of the parameters. The DOC
was 4 mg/L instead of 8 mg/L. Performance at this level could be
misleading because variation in AHS concentration could result in
variation in percentage removal with the same aluminum dosages
(Dempsey, 1984). The high AHS removal suggested that adsorption
was the predominant removal mechanism at the center point (pH5.5).
Other evidence for adsorption was provided by the high aluminum
precipitate measured at pH5.5 (Figure 4V.2).

The charge on the AHS used in this study can be calculated
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from the work of Weber et al. (1973) who reported a charge of 8.2

meq/g on AHS collected from the same source. The total charge of
AHS is 3.28x10-5 eq/l, and 6.56 eq/l for DOC concentrations of 4 and
8 mg/L respectively (high level and center point of the factorial
design). With the assumption that aluminum species such as
AI(H20)g3+ (Al), Alg(OH)2(H20)g 4+ (Alp), and Al{304(OH)24(H20)7+
(Alq3) are present (Akitt et al., 1972), the charges in Table 5.2 were
estimated for the dosages used in the coagulation.

As noted in Table 5.2, the solution would be overdosed, in
each case, with respect to aluminum except at dosages of 1, 2 and 3
mg/L for Aly3. The calculation shows that for charge neutralization
conditions, the AHS would be destabilized . The conclusion does not
account for the charge involved in the destabilization of the clay
particulates. An extension should not be made to estimate the
overall charge by summation of the charges on the AHS and the
particulate clay. This technique would not be accurate because
coating of the particulate bentonite can result in overestimation of
the charge.

Our results compare favorably with the stability diagrams
of Figure 5.5. The stability diagrams are often established to
delineate regions of HA or turbidity removal mechanisms. The
stability domain for 5 mg/L HA , 24 hr after the addition of alum and
settling (Mangravite, 1975) is shown in Figure 5.5 a. The Figure is
divided into regions delineated by solid lines. In region I, HA is

reported to be stable. In region |l, coagulation or precipitation is
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achieved by soluble hydrolyzed polynuclear aluminum cations. The

boundary between region | and |l (below 2x10-4 M aluminum)
coincides with the hydrolysis of the aluminum ions. Within region
I1l, the AHS is unstable based on the equilibrium constants for
Al(OH)3(S) and AI(OH)4- formation and the experimental conditions
for Al(OH)3(S) precipitation in the absence of HA (dotted line). The

presence of aluminum hydroxide is expected throughout this region.

Table 5.2: Total charge associated with selected Aluminum species
(eq/!).

Al species Al (+3 charge) Aly (+4 charge) Aly3 (+7 charge)

Al Dose (mg/L)

1 11.11x10°9 7.41x10°° 1.99x10°9
2 22 22x10°5 14.81x10°5 3.99x10°°
3 33.33x107° 22.22x107° 5.98x10°°
4 44 44x10°9 29.63x107° 7.98x10°9

The extent of HA removal at the optimum conditions within region |l
and lll is essentially the same. Aluminum hydroxide precipitate is
not the only condition necessary for HA removal. Within region Il

removal was greatest for 2x4 10-SM aluminum between pH5 and 6,
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Figure 5.5: Aluminum coagulation stability diagrams.
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Chritman (1967) has also recognized pH5 to pH6 as the optimum pH

range for color removal. In region IV, HA are aggregated but stable. A
solution stability study in the presence of AICl3 suggested that
stability in region IV is accompanied by charge reversal (Weisner et
al, 1986). The region's lowest boundary is the result of insufficient
aluminum dosage to stabilize the particles, whereas the upper
boundary is believed to be the result of coagulation of the positive
charged particles. In region VI, the AHS solution is stable but exhibit
turbidities higher than the uncoagulated HA. Turbidity of the stable
color particles in region V are similar to those of the uncoagulated
solution. The formation of aluminate anions (Al(OH)4") is expected
in these two regions, especially in region V. The addition of 3x10-4
M Ca2+ and 2.5x10-4M SO42- eliminated region IV and broadened the
pH range of unstable systems toward higher pH values. An increase
in Ca2+ to 3x10-3 M and SO42- to 3x10-3 M also eliminated region
V and caused the pH range of unstable zone to narrow and shift
towards slightly higher pH values.

The stability diagram of Figure 5.5 b was obtained by
Mangravite with a system containing 50 mg/L HA treated with
AI(NO3)3. In region I, the solution remains stable because of
insufficient coagulant. In region Il, slow coagulation of HA occurs. In
region Ill complete destabilization takes place due to AI(OH)3(S). At
the higher coagulant dose between pH4 and 6, charge reversal as a
result of highly charged complex aluminum species is expected. Also

at higher pH values, there is only one stability range (region V).
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The third stability diagram in Figure 5.5 ¢ (Weisner and al.,

1986) was obtained on 10 mg/L HA treated with polyaluminum
chloride as coagulant. Removal by settling was divided into two
overlapping zones represented as zone la and Ib. In these zones (zone
1), the zeta potential approaches zero. Flocs are assumed to consist
of aggregate aluminum-humate particles. In this zone a
stoichiometric dose of aluminum is required to neutralize and
precipitate HA. An increase in initial HA requires an increase in
aluminum dose in order to destabilize HA. In zone Il HA removal
occurs by adsorption on AI(OH)3(S). In zone II, the system is
overdosed in aluminum species. The aluminum-humate develops a
positive charge which produces repulsive double layer forces
between particle and prevents their aggregation.

In this study, the aluminum dosage ranged from 10-4-43 M
to 10-3.83M. At pH4, the removal region was located in zone Il
Figure 5.5 a, and zone la for Weisner's study. The stability diagrams
were evidence that coagulation was achieved by soluble hydrolyzed
polynuclear aluminum cations. Our aluminum precipitation and DOC
data suggested AHS was removed by CNP at low pH values.

The removal at pH7 occurred through adsorption in zone il
or VI. Our data agreed with this conclusion. The center point in our
study was located in zone 4 (Figure 5.5 a), zone |l (Figure 5.5 b), and
zone Il (Figure 5.5 c). The region for the center point corresponds to
the region of optimum removal as reported by Christman (1967).

At pH7, with the conclusion of section 4.2 where sulfate
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was shown to increase the aluminum precipitate formation, an

increase in HA removal could be due to supplemental adsorption on
the additional precipitate resulted from the addition of suifate.
Hundt (1985) reported similar findings. The addition of sulfate to
AICI3 (10-3.75M) solution to give a molar ratio of 1.5:1 (same ratio
as in alum) improves fulvic acid removal. The filtered fulvic acid
stability diagram closely resembled that of alum rather than AICI3.
The increased removal corresponded to the rapid increase of
Al(OH)3(S) formation as was the case in this study. It is also
interesting to note that the addition of sulfate to an aluminum
chioride solution resulted in titration curves identical to the
aluminum sulfate titration curve (Figure 4.2). This similar
hydrolysis explains the identical DOC removal noted by Hundt
(1985) when using aluminum sulfate coagulant and aluminum
chloride to which suifate was added.

The DOC results are similar to the findings of Dempsey et
al. (1984), and Hundt (1985). However, The DOC data in our
experiment should be treated with caution because of the large size
filter used. Dempsey et al. (1984) found that the removal of fulvic
acid by AICI3 mimicked the enhanced precipitation of AI(OH)3(S)
which occurred with added sulfate. Hundt found that the treatment
of fulvic acid solution (3.5 mg/L as TOC) with AICI3 (10-3-75M) was
improved by the addition of sulfate (1.5x10-3.75M). The operation
and stability diagram for the filtered fulvic acid was closed to the

removal diagram of alum. Similar to Dempsey's findings, increased
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sulfate addition resulted in the extension of the zone of fulvic acid

removal towards lower pH values.

Charge neutralization/precipitation mechanisms for AHS
removal have been reported by several investigators. The region
proposed for the CNP mechanisms by Hundt (1985) corresponded to
region Il in Figure 5.5 a. Dempsey et al. (1984) noted that at pH4.5
to 5, alum and AICl3 precipitation of AI(OH)3(S) and formation of
large polymers are uncertain in region Il. Charge
neutralization/precipitation was concluded to be the predominant
mechanism for AHS removal. Using Alum at pHS5, Semmers et al.
(1980) found no improvement in the removal of humic substances if
half the final dosage was applied in each of two successive tests.
The samplies were filtered between dosages rather than after all
the coagulant had been applied in one step. They interpreted from
their conclusion that CNP, not adsorption on AIl(OH)3(S), was
responsible for the removal of humic substances. Mangravite et al.
(1975) have proposed the removal of humic substances by soluble
polymers at low Al between pH4 and 6.

The removal of AHS by adsorption on AI(OH)3(S) or CNP
could be explained by the variation of pH. As the pH increase above 5,
aluminum continues to hydrolyze until AI(OH)3(S) is formed,
whereas, as pH decreases, aluminum species formation results in an
increase in the positive charges on the soluble polymer species. As a
result, a more favorable condition for the adsorption at higher pH

occurred as opposed to CNP at lower pH values. Less aluminum may
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even be required for AHS removal at lower pH values because of the

reduction of the charge on AHS due to protonation of carboxyl
groups. This may be one reason for the better performance seen in
our experiment at pH4. The other reason could be the size of the
filter. A large size filter would allow more aluminum precipitate,
to which AHS was adsorbed, to be in the filtrate. This could have
resulted in the high DOC concentration at pH7.

Particle restabilization, noted when AHS was added to
water, has been reported by other workers. Mangravite (1975) noted
that, in region VI, the HA solutions were stable and exhibited
turbidity higher than the uncoagulated HA solution. Morris and
Knocke (1984) observed similar behavior when treating turbidity
with ferric chloride and alum in both laboratory jar test
experiments and full scale water treatment plants. The formation of
aluminate anions (AI(OH)4") is expected in region VI. Little
interaction between the negative aluminate ions and AHS is
expected. Insufficient aluminum and the presence of AI(OH)4~ (zone
Il as described earlier) may have caused the increase in turbidity
and particle count measurements.

Amirtharajah and Mill (1982) found that good turbidity
removal occurred during aluminum coagulation. O'Melia (1972)
showed that alum and ferric hydroxide precipitates are all good
coagulants for turbidity removal due to sweep floc and subsequent
enmeshment of colloids. Weisner et al. (1986) reported particle

formation variation with pH in an HA solution coagulated with
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10-4.2 M aluminum. Particle number decreased from pH4 to pH5.5

and increased with increasing pH to pH7. Less particles were
observed at pH7 than at pH4.

Electrostatic attraction which occurs when surfaces are
oppositely charged can destabilize particles. The zero point of
charge (zpc) of the bentonite particulates used in this study ranges
from 2.5 to 4.6 (Montgomery, 1985). At pH values of 4 and 7 the
particulates will be negatively charged and the aluminum
precipitate positively charged with a zpc of 7.5 to 8.5 (Stumm and
Morgan, 1985). Electrostatic attraction could have been involved in
the destabilization of the particulates. Packham (1965) showed that
the zeta potential of kaolinite decreases with pH from -5 mv at pH4
to -38 mv at pH7.

The potential at pH7 combined with the coagulant demand of
HA may have resulted in the stabilization noted for the experiments
where no turbidity removal occurred. Interparticle Dbridging and
sweep floc, also shown to contribute to particulate removal from
solution (Stumm and O'Melia, 1968), may have been involved in the
removal of the particles, particularly, at higher pH values where
high aluminum precipitate formation was observed.

The uniformity of the data does not necessarily mean that
sulfate and AHS addition had no impact on the particle formation.
The conclusion may have been the result of the particle count
procedure. The particle count was not performed immediately after

sampling. The measurements were taken 1 to 5 hours after sampling.
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The time lapse between sampling and analysis may have skewed the

results.

The evidence for particle growth was provided by the
increase in particle number during coagulation (Table 4.9). The
particle counts before and after filtration were always lower than
the particle count during coagulation. The higher number of particies
formed during coagulation were successfully aggregated to heavier
particles. The heavy particles were removed by settling.

Evaluation of the data to determine the sulfate removal
mechanisms in coagulation was not possible because no clear trend
emerges in Figure 4.12. However, removal can be accomplished
through adsorption and/or precipitation. Evidence of sulfate
adsorption mechanisms have been supported by De Hek (1978),
Snograss (1984) Hundt (1985), and Turner (1956). Removal through
precipitation is also possible at pH4 (Rubin, 1976). Precipitation
results in the formation of soluble and insoluble polynuclear
sulfatohydroxo-aluminum species (Rubin, 1976). The present
experimental procedure provided only for the determination of
sulfate adsorption onto the positive aluminum precipitate. The
adsorption mechanism was provided by the data in Section 4.32 to
4.34.
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5.2.1 Summary

The amount of hydroxide required to maintain the pH
constant during the jar tests was greater at the higher pH7 and 5.5
values. The corresponding formation (r = [OH-]p/[Al]}) ranged from
0.17 to 3.57. The range compared well with the values obtained on
the aluminum titration curves. At pH4, the addition of AHS resulted
in an increase in OH- demand to compensate for the coagulation
demand of AHS. No effect of sulfate addition was noticed at this
lower pH value. The OH- demand was significantly greater at pH7.
The demand increased with the addition of AHS regardiess of the
sulfate concentration. The effect of AHS addition was more
pronounced at the higher aluminum dosages. Sulfate had an
inconsistent effect on the OH- demand when AHS was in solution.
The results at pH5.5 were closer to the condition of pH7.

AHS removals ranging from 12 to 26% (pH7), 11 to 47%
(pH4), and 10 to 70% (pH5.5) was observed. The removal at pH7
corresponded to the region where aluminum precipitate was
predominant.

Sulfate increased the aluminum precipitate at pH7 whether
or not AHS was present. Adsorption of AHS was concluded to be the
main removal mechanism at the higher pH values.

The AHS removal was significantly better at pH4 than at
pH7. Charge neutralization was the likely AHS removal mechanism at

the lower pH of 4 because of the higher dissolved aluminum
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concentration. The high dissolved aluminum suggested the

predominance of hydrolysis aluminum hydrolysis products.

The maximum AHS removal was achieved at pHS5.5. The
relatively high precipitate formation at this pH suggested that the
AHS removal occurred through adsbrption.

Higher residual aluminum existed at pH5.5 and 7. The high
aluminum concentrations suggested that the precipitate particulate
size was small enough to pass through the Whatman filter. This
effect was more pronounced at pH7.

The turbidity and particle results indicated over 80% of the
turbidity was removed in all but the experiments where AHS was
added at pH7. Particle growth and stabilization resulted due to
insufficient coagulant and/or restabilization.

Sulfate removal did not follow a consistent trend, but
removal was observed at all pH values. A systematic study was
required to determine the removal of sulfate. The following

experiments were designed to do such an investigation.

5.3 AQUATIC HUMIC SUBSTANCES AND SULFATE
ADSORPTION ON ALUMINUM PRECIPITATE

The data of Figure 4.14 and 4.16 were obtained to establish
the equilibration time and the adsorption capacity for the adsorption
of AHS and sulfate on the aluminum precipitate only. No comparison

can be made between the different aluminum types and pH values
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because the initial adsorbate concentration (Ci) was not the same

for all the conditions. For example, Ci values for the aluminum
sulfate (pH7) and the aluminum sulfate (pH5.5) conditions were
60.06 mg/L and 35.39 mg/L respectively. The equilibration times of
1 hr for AHS and 30 min for sulfate were used in the procedure for
the isotherms.

The AHS data fitted the Freundlich (Figure 4.19)- isotherms
best. The better fit to the freundlich isotherm reflects the
conclusion of the initial experiments (Figure 4.14) in which the
surface sites on the aluminum precipitate adsorbents were not
saturated even after the 4 th sequence of adsorption.

Some workers havé shown, however, that AHS data fit the
Langmuir isotherm best using other adsorbent (Hingston et al., 1968;
Davis, 1981; Tipping, 1981; Tipping and Cooke, 1982; Parfitt et al.
1977). Tipping (1981) and Tipping and Cooke (1982) quantified the
adsdrption of a model iron oxide particle, goethite (a-FeOOH). A
good fit to the Langmuir isotherm was found with the surface
concentration at saturation ranging from 5.3 to 33.4 mg/g énd K, the
affinity constant of the oxide surface for the humics. from 0.15 to
1.28. The variation of surface concentration at saturation and K
depends on the type of iron oxide (a-Fe‘OOH, a-FeoOg3, amorphous
Fe-gel). Fe-gel was shown with n and K varying from 146 and 0.5
(fresh gel) to 224 and 0.45 (aged gel) respectively. The surface
concentration at saturation and the the K values are much higher

than the results of this study.
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The Langmuir fit for AHS adsorption on the adsorbents used

by these workers is somewhat surprising in view of the
heterogeneity of the humic substances. The only explanation could be
that the heterogeneity of AHS is simply in the size of the molecules,
rather than, for example, their complements of ionizabie groups, so
that on the basis of mass adsorbed they could be relatively
homogeneous.

Tipping (1981) found that humic substances adsorption to
hydrous inorganic oxides decreased with pH. The results were in
agreement with the work of Parfitt and Russell (1977), and Parfitt
et al. (1977). A similar pH dependency was reported earlier by Evans
and Russell (1959) for the adsorption of soil fulvic and humic acids
by clay and later by Davis and Gloor (1981) for the adsorption of
dissolved organic carbon on aluminum oxide. The humic adsorption
varied with pH. The removal reaches a maximum in the pH region of 5
to 6. Because of this maximum, identical % adsorption was obtained
at pH5.5 and 7. These results may explain the small difference in the
adsorption efficiencies obtained at pH5.5 and 7 in our study.

The wide application of the Freundlich and Langmuir
isotherms have overshadowed one of the problems with both
equations. The logarithm or the inverse of the residual adsorbate
concentration Ce is plotted against the logarithm or the inverse
surface concentration X/M which is partially obtained from Ce. There
is therefore a dependence between Ce and X/M which may affect the

final plot. A good discussion of this problem is provided by Harter
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and Lehmann (1983).

The greater amount of AHS adsorbed on the aluminum
sulfate adsorbent noted in Figure 4.18 is another indication that the
aluminum sulfate precipitate formed a different product than did the
aluminum chloride precipitate. The presence of sulfate may have
resulted in the formation of a more amorphous precipitate with
higher surface charge. The difference in the two aluminum
precipitates was also evident in the hydrolysis/precipitation (Figure
4.1).

Several processes may be responsible for the adsorption of
AHS on the hydroxide surfaces. Ligand exchange involving the surface
hydroxyl groups (Al-OH2+, Al-OH, H20, and OH-) of the aluminum
hydroxide and some of the ionizable groups of the AHS is possible.
The protonation and deprotonation of AHS may result in varying
carboxylic and phenolic functional groups on the AHS molecule.
Adsorption through ligand exchange could be influenced by the type
and nature of these functional groups.

The AHS adsorption can be analogous to the adsorption of
AHS on iron oxides described by Tipping (1981). The first of a
number of adsorbing molecules must initially decrease the
proportion of surface AHS-OHo+ and AHS-OH among the groups not
involved in the adsorption, but if the pH is held constant, these
remaining groups will take up protons to re-establish the
proportions of AHS-OHot+, AHS-OH, and Fe-O- of the original

surface, in terms of the type of adsorption sites. The next molecule
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to be adsorbed, therefore encounters the same hydroxide surface, in

terms of the type of adsorption site. This mechanism will normally
give rise to the Langmuir isotherm for simple molecules because
there are less sites. However, if the adsorbing molecules are large
polyanions such as Humic substances, not all their anionic groups
can be involved in the ligand exchange interactions and the excess
negative charges would be expected to repel each other. The
repulsion would increase as more adsorption takes place, the
affinity of the surface for the adsorbate would decrease
progressively, and a non Langmuir isotherm, such as the Freundlich
isotherm would results.

Proton consumption could also occur. However, protonation
of the humic ionizable groups which do not take a direct part in
adsorptive interaction with hydroxide surfaces is probably of
greater quantitative importance. The protonation of these groups
overcomes electrostatic repulsion between adjacent adsorbed humic
molecules. Accumulation of protons in the diffuse double layer, and
the lower dielectric strength of the interface region relative to the
bulk solution are other factors that could promote protonation.

The Langmuir isotherm model fitted to the sulfate data
(Figure 4.23) describes the equilibrium between the solution and the
adsorption surface as a reversible chemical equilibrium between
species. The model considers the adsorbent to be of fixed individual
sites. In this case, each site binds only one molecule of adsorbate

leading to a monolayer coverage of the sites. No more sulfate
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molecule can be adsorbed when the maximum X/M of 0.5 mg/mg

(pH5.5) and 0.3 mg/mg (pH7) are reached.

The sulfate adsorption results showed that no sulfate was
adsorbed to the aluminum sulfate precipitate. Apparently, the
sulfate initially present in the aluminum sulfate solution had
already filled any available adsorption sites created during the
aluminum' precipitate formation. Comparison of sulfate adsorption
on aluminum chloride precipitate to that of sulfate adsorbed during
aluminum precipitate formation shows why no additional sulfate
adsorption was observed on the aluminum sulfate precipitate. The
calculations refer to Figure 4.23 (Sulfate adsorption on aluminum
chloride precipitant). The X/M ratios for a Ce of 200 mg/l, for
example, are about 0.15 mg/mg and 0.45 mg/mg at pH7 and 55
respectively. The amount of sulfate adsorbed for a 50 mg aluminum
chloride precipitate would be 7.5 mg at pH7 and 22.5 mg at pH5.5.
The ratio of SO4/Al in aluminum sulfate is 1.5 mg/mg. This ratio iIs
much higher than 0.15 mg/mg and 0.45 mg/mg.

The adsorption results revealed that sulfate can be removed
via adsorption on the aluminum precipitate as noted by Heck et al.
(1978). The work of other researchers showed that sulfate was
adsorbed on adsorbents such as soils (Christophensen and Hans,
1982), goethite (Hingston et al.,, 1977; and Parfitt et al., 1977).
Infrared spectra of binuclear bridging complexes of sulfate adsorbed
on goethite have indicated the presence of a surface complex

Fe-OSQO0o0-Fe (Parfitt et al.,, 1977). Sulfate was shown to be
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adsorbed by ligand exchange with two A-type OH groups to give a

bridging binuclear complex FeOS(Op)Fe. Sulfate is bonded through
two oxygen atoms in the structure. Sulfate ion bonding occurs
through two charged oxygen atoms, resulting in an uncharged
species. Weak hydrogen bonds to the oxygen atoms are then formed.

The observations of the adsorption study suggests that
there may be a change in the characteristics of tﬁe sulfate
adsorbate and, to a some extent, the nature of the aluminum
precipitate at various pH values. There may be two reasons for the
variation in the amount of sulfate adsorption with pH. The zero point
of charge of the aluminum precipitate has been reported to be
between 7.5 and 8.5 (Montgomery, 1985). The precipitate will have
more surface charge at pH5.5 than 7. pH5.5 is also closer to the
dissociation of both the sulfate and its conjugate acid from solution.
The acid could dissociate to form coordinate complexes at the
hydroxide surface. The higher surface charge of the conjugate acid
would result in higher adsorption at pH5.5. Similar pH dependence
has been reported for the adsorption of fluoride on goethite
(Hingston et al.,, 1967).

The difference in the characteristics of the aluminum
chloride or aluminum sulfate precipitates at various pH could not be
guantified, but the aluminum sulfate precipitate seemed to be more
amorphous. As a result, more adsorption was possible. The results
also demonstrated that the addition of AHS to the aluminum

solutions to form the aluminum precipitates decreased the amount
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of sulfate adsorbed.

The AHS adsorption during the precipitate formation
process may have resulted in the coverage of a portion of the
surface sites by AHS. The AHS adsorption may have changed the
charge of the surface sites and provoked a departure from the
assumption for Langmuir isotherm.

The absence of sulfate adsorption on the aluminum and AHS
precipitate at pH7 showed that AHS would outcompete SO42- for the
adsorption sites. With sufficient sites created, and/or the change in
the nature of the aluminum precipitate and the sulfate adsorbate at
pH5.5, both sulfate and AHS adsorption would occur. The
competitive adsorption between sulfate and AHS on aluminum
precipitates is further detailed with the data of Table 4.18 and
Figure 4.28. The amount of sulfate adsorbed in the competitive
adsorption was reduced while the amount of AHS was increased in
comparison to the adsorption of AHS and sulfate on aluminum
chloride precipitate. Similar results were reported by Inskeep
(1989) in adsorption studies of sulfate by iron oxide in the presence
of organic ligands (humic acid, fulvic acid, tannic acid, oxalic acid,
citric acid, and gallic acid). The presence of sulfate in water would,
thus, increase the removal of AHS since coagulation is achieved in
the sweep floc zone. However, this will be to the detriment of

sulfate removal.
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5.3.1 Summary

Aluminum hydroxide was the predominant species formed at
pH5.5 and 7 with AICI3.6H20 and Al2(S0O4)3.18H20 concentration
ranging from 100 to 900 mg/L. The predominance of the precipitate
form of aluminum was consistent with the predicted aluminum
species of the Al-pH solubility diagram (Figure 2.10). No difference
existed between the amount of aluminum chloride and aluminum
sulfate precipitate formed at pH5.5 and 7.

AHS adsorption on the aluminum chloride and aluminum
sulfate precipitates was rapid. Little additional adsorption was
observed after 1 hr equilibration time and the equilibrium
adsorption isotherms fitted the Freundlich equation best.

The aluminum sulfate adsorbent had a greater AHS
adsorption capacity than the aluminum precipitated from aluminum
chloride. The increase adsorption capacity of the aluminum sulfate
adsorbent was observed for both pH5.5 and 7, and was probably due
to the more amorphous precipitate formed due to the presence of
sulfate. The pH change from 5.5 to 7 did not impact the AHS
adsorption capacity of either the aluminum chloride or the aluminum
sulfate precipitate. This was probably due to an adsorption envelope
described by other workers in which the adsorption capacities at
pH5.5 and 7 are equal.

The formation of the aluminum chloride or the aluminum

sulfate precipitate with AHS did not significantly alter the isotherm
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of AHS adsorption on the aluminum precipitates. The decrease of the

Al:C ratio form 45:1 to 5.6:1 AHS had no effect. AHS adsorption took
place during the AI-AHS precipitate formation.

Sulfate adsorption on the aluminum chloride was quicker. No
additional adsorption was observed after 30 min equilibration. No
sulfate adsorption took place on the aluminum sulfate precipitate.
The adsorption sites were filled by the sulfate initially present in
the aluminum sulfate solution used to prepare the aluminum
precipitate.

The Langmuir equilibrium isotherm described sulfate
adsorption best. Surface charge of the aluminum adsorbent, pH, as
well as the constituents of the adsorbate influenced sulfate
adsorption. More sulfate was adsorbed at the lower pH5.5. The higher
adsorption at the lower pH was probably due to dissociation of both
the anion and its conjugate acid from solution.

The pH variation on the competitive adsorption between
AHS and sulfate was only noted with the AI-AHS precipitate. The
surface concentration decreased with decreasing pH values

AHS surface concentration in the competitive adsorption of
sulfate and AHS on aluminum chloride precipitate was increased and

that of sulfate decreased.



CHAPTER &
CONCLUSIONS AND RECOMMENDATIONS FOR FUTURE RESEARCH
6.1 CONCLUSIONS

The conclusions and results achieved for this endeavor are
the following:

The titratidn curves (mole of hydroxide bound per mole of
aluminum, r, against pH) showed that the hydrolysis/precipitation
of aluminum chloride and aluminum nitrate was similar. A
sequential aluminum speciation occurred with the variation in r
values.

Monomers and dimers were the predicted predominant
aluminum species formed at the lower r ratios. A plateau developed
in the lower r regions. The plateau was the result of further
polymerization of aluminum. The added' OH- ions were consumed in
the polymerization step. The pH increased sharply in conjunction
with the predominance of the Al(OH)4- species, when the
polymerization was presumably -completed.» An amorphous
AI{(OH)3(S) precipitated at an r ratio of 3. The aluminum precipitate
dissolved at an r ratio above 3.1.

The aluminum sulfate titration curve ran parallel to and

always below the aluminum chloride and aluminum nitrate titration
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curves. The curve exhibited a few differences. The dissociation of

HSO4- at an r ratio of 0.1 caused a small drop for the sulfate curve.
A theoretical equilibrium model predicted Jurbanite (AI-SO4
precipitate) to precipitate at the same r ratio of 0.3 as in the
aluminum sulfate precipitation. The incorporation of sulfate in the
aluminum precipitate caused the development of a second plateau at
the r ratio of 4.5.

A titration curve identical to the aluminum sulfate
titration curve developed with the addition of sulfate to aluminum
chloride and aluminum nitrate solutions. The curve remained
unchanged when the molar Al:SO4 ratio was varied from 1:1.5 to 1:3.
The curves were not altere.d by hydrochloric, nitric acid and sulfuric
acid acidification of the aluminum solutions prior to titration.

The pH values had a significant influence on the coagulation
of a well buffered water containing sulfate, AHS and bentonite clay.
The hydroxide demand, the formation function r, the AHS
concentration, and the aluminum precipitate were significantly
higher at pH7 compared to pH4.

The AHS removal varied as a function of pH, the AHS
concentration, and aluminum dosage. The AHS exerted a significant
hydroxide demand at both pH5.5 and 7 regardless of the sulfate
concentration.  Sulfate addition improved the AHS removal. The
improvement was the result of higher aluminum precipitate
formation due to the sulfate addition. The removal at pH7 was

predominantly through adsorption compared to charge
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neutralization/precipitation at pH4. The maximum removal was

achieved at pH5.5. However, this may not be the optimum condition
because the AHS concentration and the pH were half the
concentration at pH4 and 7 respectively.

Particulate removal was not affected by the variation in
sulfate concentrations. The removal was dependent upon the
aluminum dosage, the AHS concentration, and pH. The AHS influence
was more pronounced at pH7. Particle restabilization occurred when
the aluminum dosage was insufficient and the AHS high. The
restabilization condition showed the competitive coagulant demand
between AHS and particulate.

Sulfate was removed at both pH5.5 and 7. However, little
difference was observed with the addition of AHS and pH
variations.

Aluminum hydroxide was the predominant aluminum species
at pH5.5 and 7. No difference existed between the aluminum
chloride and aluminum sulfate precipitants.

AHS adsorption on aluminum chloride and aluminum sulfate
precipitants was rapid. Little additional adsorption took place after
1 hr equilibration time.

The adsorption capacity of the aluminum precipitants
increased with successive replenishment of the AHS adsorbate for
the samé adsorbent. The multilayer type of adsorption from the
increased adsorption capacity was confirmed by the adsorption

isotherms which fit the Freundlich isotherm best.
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The addition of AHS in the aluminum chloride or aluminum

sulfate solution prior to the aluminum precipitate formation
decreased the adsorption capacity of both adsorbents. The
isotherms were not greatly impacted.

pH variation from 5.5 to 7 did not have any impact on the
adsorption of AHS on both aluminum precipitants.

Sulfate adsorption on the aluminum chloride precipitate
was quicker. The adsorption maxima was reached after only 30 min
equilibration time for both pH5.5 and 7. The adsorption sites were
all occupied by the sulfate initially present in the aluminum sulfate
solution. As a results, no sulfate was adsorbed on the aluminum
sulfate precipitate.

The adsorption capacity of the aluminum chloride
precipitate was exceeded after only one sequence of sulfate
adsorption. The adsorption isotherm fit of the data confirmed that
sulfate adsorption was best described by the Langmuir isotherm.

Sulfate adsorption on the aluminum chloride precipitate
was increased with decreasing pH values from 7 to 5.5. The greater
adsorption at pH5.5 was probably due to the dissociation of the
anion and its conjugate acid at the lower pH.

The presence of sulfate increased the AHS adsorption in the
competitive adsorption of sulfate and AHS on the aluminum chloride
precipitate. AHS exchanged for sulfate occurred on the aluminum

chloride precipitate at pH7.
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RECOMMENDATIONS FOR FUTURE RESEARCH

This study provided some indications of the impact of

sulfate on the AI(lll) hydrolysis/precipitation process, the

coagulation chemistry of aquatic humic substances and particulate

bentonite. The adsorption isotherms of AHS and sulfate were

developed and a fluorigenic aluminum method was evaluated.

Further studies could be directed toward the following:

1)

Expansion of the the titration experiments by adding
varying concentrations of AHS to the Al(Ill) solutions
before titration. An identical experiment can be conducted
with bentonite clay solution. The comparison among the
titration curves would provide an indication of several
zones of AHS and particle removal as a function of the
formation function and/or the aluminum species
hypothesized at the r values.

Repetition of the titration experiments with AHS. Samples
should be collected at given r ratios. The DOC concentration
measurements would provide the AHS removal as a function
of r.

Back titration of the AIl(lll) solutions with acid to the
initial pH. The reverse titration curves could determine
whether the aluminum speciation vary as a function of the

initial pH condition. The back titration experiments should
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include  the aluminum solutions containing AHS, and

bentonite. The pH for the conditions with AHS should not be
above 10 to avoid denaturation of the AHS molecules.
Characterization of all the aluminum precipitants by X ray
diffraction and other methods which may describe the
structure of the precipitants. The knowledge of the
structural composition would be most helpful for the
precipitants formed with AHS. The results would clarify the
AHS incorporation into the aluminum precipitate. The
identification would help quantify the AHS removal by
either precipitation of adsorption in coagulation at any
given formation function r or pH value.

Systematic coagulation of AHS with varying sulfate
concentrations. The experiment can be conducted in two
ways. First, the optimum pH and aluminum coagulant dosage
should be determined. The impact of varying sulfate
concentrations at the optimum coagulation condition can be
evaluated. The other experiment would consist of varying
the sulfate concentration in the AHS solution to study the
effect of sulfate addition on the aluminum dosage required
to achieve maximum AHS removal.

Repeat the experiments of step 5) with particle bentonite
instead of AHS.

Study further the aluminum species formed during

coagulation. The addition should include species such as
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11)

12)
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organically bound aluminum species.

Quantification of the particle charge with electrophoresis
measurements. The charge before and after coagulation
would provide the stability of the particles as well as the
destabilization effect of the various coagulants.

An investigation of particle growth during coagulation. The
data collected in this research did not provide a conciusive
pattern of particle growth. The particles were usually
counted 2 to 3 hours after sample collection. The procedure
could be improved upon by measuring the particle
immediately after collection.

Further study of the adsorption of AHS and sulfate on
Al(Ill) precipitants. The study should be extended to a wider
pH range.

Additional experiments on the competitive adsorption of
AHS and sulfate. The data collected will complete the
limited number of experiments conducted in this research.
The other combination may involve variation of the sulfate
and AHS concentrations, the pH values, and the selection of
other aluminum adsorbents.

Improvement of the the fiber optic aluminum technique.
Several problems were encountered during the course of
this research. Among the problems were the immobilization
technique, the transfer of the immobilized morin to the

fiber optic bundle, and the instrumentation apparatus. The
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next phase of the study should concentrate on the

characterization of the immobilized morin and the
development of a consistent technique for the procedure.
The cellulose technique can be improved upon by finding a
better support to entrap the morin-cellulose matrix.
Extensive study of the PVOH immobilization technique is
required before the evaluation of the experimental
procedure. The interest should be extended to other

matrices and complexing agents.
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A1: Sensor for AIl(lll) Based on Immobilized Morin

The objective of this investigation was the qualitative
evaluation of the performance of the sensor. Detailed information on
the analytical approach can be found in (Russell, 1989). Two series
of analyses were conducted. The first included the measurement of
the aluminum solutions with cellulose sensors. The change in
fluorescence intensity with time was recorded to determine the
response time. The fluorescence intensity of each sample was
subsequently recorded after a given time interval. The same
procedure was repeated in the second analysis with the polyvinyl
alcohol (PVOH) sensor.

The fluorescence intensity variation with the response time
for the cellulose sensors are shown in Figures A1 a, b, and c. The
fluorescence intensity increased to reach maxima after 90 min for
Figure A1 a and 60 min for Figure A1 b. The response time curve was
linear for analysis times shorter than 60 min as shown in Figure A1
C.

The response time was not successfully reduced. The
fluorescence intensity measurements were taken after 15 and 20
min of elapsed time. The results are presented in Figure A1 d. The
intensity decreased with the analysis time. The decrease was
greater at the higher aluminum concentrations.

The data of Figure A1 d also shows the variation of the
fluorescence intensity measurements between successive analyses
with two sensors. The analysis with sensor#4 was done after
sensor#6. The lower intensity measurements indicated that a
smaller amount of the immobilized morin was transferred to the
fiber optic bundle.

In the Polyvinyl alcohol (PVOH) immobilization, the morin
was initially preimmobilized, then, crosslinked. The results of
Figure A1 e showed that the fluorescence intensity decreased
exponentially with time. The procedure was altered by crosslinking
then immobilizing the morin in PVOH. The intensity then increased
with time as shown in Figure A1 f.

The use of the PVOH did not improve the response time as
shown in Figure A1 g. The intensity maxima was not reached in less
than 60 min. The variation in the aluminum concentration did not
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affect the intensity measurements.

The data of Figure A1 h was obtained from measuring the
fluorescence intensity of several 1.85X10-5.3M aluminum solutions.
The pH of the solution was varied from 4.4 to 6.5. The fluorescence
intensity decreased with increasing pH.

The fluorescence intensity measurement for both the
cellulose and the polyvinyl alcohol (PVOH) matrices were
inconsistent. The study focus was changed several times because, in
neither, case the response time was brought to less than 1 hr. The
objectives was shifted toward a trouble shooting procedure.

A series of several unsuccessful experiments were
conducted to improve the extremely slow response time. The
procedures consisted of preparing new immobilized morin with
different cellulose to morin molar ratios. None of the changes
provided a consistent response. The response time variation was not
improve below 60 min.

The slow response time of over 1 hr was not desired for
sample measurements because the advantage sought to record the
aluminum concentration was lost. Two alternatives were pursued.
The fluorescence intensity measurements were first taken after 15
and 20 min analysis time. The intensity decreased with the analysis
time. The decrease was greater at the higher aluminum
concentrations. '

The lower intensity measurements for sensor#6 in Figure
A1 d indicated that a smaller amount of the immobilized morin was
transferred to the fiber optic bundle. The dependence of the
fluorescence intensity on the amount of morin transferred to the
fiber optic bundle was one of the major draw backs of the technique.
All the sample in a set of experiments had to be analyzed with one
preparation. No appropriate way was at hand or successfully
developed to transfer an exact amount of morin for a set of
experiments. The attempts made do do such transfer resulted in a
wide variation of the fluorescence intensity measurements. The
procedure was abandoned.

The alternative, experimented, was to use the same sensor
for all the measurements. The only meaningful analyses were
conducted starting from the lower to the higher aluminum
concentrations. A random measurement technique did not give
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consistent results. :

The quality control/quality assurance procedure attempted
abandonned because of the inconsistencies in the measurements.
The only successful data were obtained with measurements taken
in solution with increasing aluminum concentrations. The binding
sites on the morin were frequently saturated. The equilibrium was
then distorted and measurements in more dilute solutions was not
possible because the intensity remained at the maxima.

The failure of the cellulose sensor was in part due to
limited diffusion when morin was immobilized on the cellulose. The
theoretical equilibrium condition assuming a 1:1 immobilized morin
to aluminum complex was not observed.

The introduction of the polyvinyl alcohol (PVOH)
immobilization did not solve these problems. Crosslinking before
immobilaztion was the corrected procedure that was followed.

The trouble shooting procedure undertaken for the cellulose
method was repeated ‘to improve the response time. The
measurements were as inconclusive. The equilibrium condition for
aluminum binding to immobilized morin was not as theoretically
predicted because the reaction was not reversible. The intensity did
not drop once the maxima was reached.

The unsuccessful attempts to qualitatively test the Al(lll)
sensing procedure suggested that the research be directed towards
finding an immobilization procedure which would allow a shorter
response time. The applications will be of limited value in water
treatment if the final procedure does not accomplish two goals. 1)
the measurements of aluminum concentration within one minute
time. The corrected method could then be compared with other
techniques and theoretical aluminum speciation calculations. The
comparisons would provide the answer to the exact species
measured by the sensing method. Finding an other complex agent may
be the route to take in the future.

Summary
The two immobilization procedure attemped did not provide

consistent measurements. The protocole initially set up to check the
performance of the probe was abandonned. The procedure consisted
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mainly of trouble shooting get the pocedure to a start.

Fluorescence intensity measurements gave slow response
times of over 1 hr. for both sensors and measurements were not
repeatable. The determination of aluminum species mesurements
was not feasible because of these problems. Future research should
be directed toward finding an other complexing agent.
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A2: Determination of Theoretical Settling Time for
Bentonite Sedimentation

Small spherical particles of density pg and diameter X are
known to settle through a liquid of density p; and viscosity u at a

rate of
V=X2g (ps-p))/18 1 (A1)

This relationship between the size of a spherical particle
and its settling velocity ( also known as Stoke's law) furnishes an
arbitrary measure of the size of non spherical particles. Thus the
separation of clay fraction by sedimentation can be accomplished by
homogenizing a soil suspension and decanting all of that which
remains above the plane

z=-h (A2)

after time _
t = 18 u L/g(pg-pp)X2 (A3)

Quantitative separation by decantation requires that the
residue be resuspended and decanted repeatedly to salvage those
particles that had not previously been at the top of the suspension at
the start of the sedimentation period. It should be noted that u is
temperature dependent and will affect t. Table A1 was obtained
using equation A3.
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Table A2: Sedimentation times* for particles of 2 , 5 and 20 um
diameter settling through water for a depth of 10 cm.

Temperature settling time with indicated particle diameter
Oc 2 um 5 um 20 um
hr min hr min hr min
20 8 0 1 17 4 48
21 7 49 1 15 4 41
22 7 38 1 13 4 35
23 7 27 1 11 4 28
24 7 17 1 10 4 22
25 7 7 1 8 4 16
26 6 57 1 7 4 10
27 6 48 1 5 4 4
28 6 39 1 4 4 0
29 6 31 1 3 3 55
30 6 22 1 1 3 49
31 6 14 1 0 3 44
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A3: Determination of the Root Mean Square Velocity
Gradient, G

The total energy input into a fluid is related to the root
means square velocity gradient, G by (Campt et al., 1943):
G = (Ev)1/2 (A4)
where
E = total energy dissipated per unit time and fluid mass (J/sec Ib)
Vv kinematic viscosity (ft2/sec)

G can be evaluated by expressing equation A4 in the
following form (Edzwald et al., 1974):
G=(dwhp V)2 (A5)
where
0 = net torque (dyne ft)

w = angular velocity of the rotating paddle (radian/sec)
u = fluid viscosity (lb/ft sec)
V = fluid volume (ft3)
' P=0dw, (AB)
G = (P/V H)1/2 (A7)
= (Fq vV w1/ (A8)
= (CqgpAv32Vvpl/2 (A9)
where
P = power utlized (ft Ib/sec)
L = absolute viscosity (lb sec/ft2
Fq = drag force of paddle, dimensionless
A = area of paddle (ft2)
p = fluid density (lb sec2/ft4)
v = relative velocity of fluid with respect to paddle (ft/sec)
V = fluid volume (ft3)
Forv =k Vp (A10)
where
Vp = paddle velocity (ft/sec)
k = ratio of fluid to paddle velocity
and
vp=2nrN/60=nrN/30 (A11)
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where
r = paddle radius (ft)
N = revolution per min (rpm)
therefore,
G=(Cqp AK3 3 3 N3/54 104 vy)1/2 (A12)

For the jar test

k = 0.70
Cd=1.8
A=1inx20in
V = 1]

r = 700F (21.19C)
p = 1.936 Ib secd/ft4
L = 2.050 107 Ib/sec ft2

G = 0.08729 N3/2 (A13)

The variations of G with N are shown in Figure AS3.
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AS: Raw Data

The following are the contents of the table containing the raw
data

a) Al(III) titration
pH, volume 2N NaOH, and the r ratio are presented for
AlCl3, Alum, AINO3, Al/SO4 = 1/3 , Al/SO4 = 1/1.5
respectively

b) Aluminum precipitates formed with Alum and AlC13 at pHS5.5 and 7
c) AHS adsorption on AlCl13, and Alum at pH5.5 and 7

d) AHS adsorption on aluminum+AHS precipitates
and SO4 exchange for AHS

e) SO4 adsorption (aluminum precipitates
f) SO4 adsorption: aluminum + AHS precipitates.

g) Equilibration for the adsorption of AHS and sulfate on aluminum
precipitate
a-AHS
b-sulfate

h) Adsorption capacity for the adsorption of AHS and sulfate on
aluminum precipitates
a-AHS
b-sulfate
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