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THE_INTERACTION OF PHOSPHATE WITH TRON OXYHYDROXIDES IN
SIMULATED ESTUARINE CONDITIONS
by STUART ARTHUR CROSBY, B.Sc. (Hons)

ABSTRACT

The uptake of phosphate onto Fe(II) and Fe(III) derived
iron oxyhydroxides was examined as a function of time using
conditions similar to those encountered in natural waters.
The freshly precipitating Fe(1II) oxyhydroxide was very
active and its adsorption behaviour was independent of pH,
temperature and ionic strength. The adsorption onto freshly
precipitating Fe(II) derived oxyhydroxide was strongly
dependent on all three factors as the rate of uptake was
limited by the rate of oxidation and hydrolysis of Fe(II).
The aged (20 h) Fe(III) precipitate was identified as
am-FeOOH and its adsorption behaviour was dependent on pH
and ionic strength but independent of temperature in sea-
water., The adsorption appears to be chemisorption in
distilled water and physical adsorption in seawater. Kinetic
analyses were done on these adsorption profiles and a
reversible second order reaction was postulated to explain
the data. This yielded rate constants that were dependent
upon [PO4]0 and the analyses gave a pH dependence of the
rate constants which was useful for comparisons of both model
and natural adsorption phenomena., A similar analysis was
also carried out for adsorption onto fresh Fe(II) derived
material in seawater. Activation energies were calculated
whose values supported the physical/chemical adsorption
hypothesis. The aged Fe(II) derived precipitate was
identified as Y-FeOOH by various techniques and this
material did not adsorb phosphate in the natural pH range
due to the low pHZ.P.C.'

The rate of colloid/particle formation was investigated
using a nephelometric technique which revealed that the up-
take of phosphate onto freshly forming precipitates was
strongly linked to the rate of particle formation. This led
to a simple nomograph being developed to show the expected
time scales for phosphate removal under varying conditions.,
Good agreement was found with adsorption onto some precipi-
tates formed from natural waters indicating the importance
of this work to the understanding of estuarine adsorption
phenomena and to water quality control.
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1. INTRODUCTION

l.1 Preliminary Remarks

The understanding of the geochemical cycling of
trace constituents in natural waters is of importance to
the development of predictive models, especially those
related to the fate of anthropogenic inputs into the
environment. Each trace constituent follows a complex
pathway through the natural system which is determined by
its chemical and physical properties. The clarification
of the behaviour of trace constituents and the extraction
of the rates for natural processes is extremely &ifficult,
This is dﬁe mainly to the cémplexity of the system and
the need to separate chemical and physical time scales,
plus the continuing and increasing contamination of the
sysfem by man. Attemﬁts at understanding a system with
such variability can only succeed if environmental
measurements are coupled with detailéd studies of simple
chemical systems, which are related to the natural waters
under investigation. This study is designed along those
lines, so that the known behaviour of a trace constituent
is modelled using simple solutions in order that both
mechanistic and kinetic information is obtained which can
then be used in quantitative models.

Phosphorus is an important. trace element in the
environment due to its role in biological systems, and

its limited availability. The major reservoir of phosphorus



is as calcium phosphate | Ca3(P04)2]in sedimentary rocks.
Both this and other calcium phosphates have very low
solubilities (1) so that the levels of phosphorus in
natural waters are very low, usually <1.0 pumol 1~%,
However, large quantities of soluble phosphorus compounds
are being added to streams, lakes, estuaries aﬁd coastal
waters in the forms of fertilizers, sewage and detergents,
all resulting from man's activities. The need to predict
the fate of these inputs has important implications for
water gquality. The behaviour of phosphorus in thesé
waters is théﬁght to be linked to the presence of iron

in the water column, although the mechanisms and rates of
this interaction are not well understood.

Iron is tﬂéffourth most abundant element in the earth's
crust, and makes up approximately 5% of the crust by
weight (2). It is a vital biological element forming
porphyrin complexes used in respiration by many animals
(3, 4). The chemical behaviour of iron in natural waters
is known to be the key to the interpretation of many
processes involving trace constituent cycles. The trans-
formation of Fe(III) in fresh waters and fresh waters
entering marine systems in the neutral to alkaline pH
range usually involves the appearance of a solid phase
which may have a high sorptive capacity for trace |
constituents such as phosphate. The situation may be
further complicated by the presence of Fe(II) which can

oxidise and precipitate under conditions commonly found



in water systems to give solid phases with different
surface activities.

This study attempts to investigate in some detail
the nature of the iron solids and their interactions with
phosphate. Both natural waters and simple chemical
analogues have been used to elucidate the mechanisms
and kinetics of the interaction. What follows in this
first chapter is a review of the environmental chemistry
of iron and phosphate, but due to the vast literature
on both these topics, only those aspects relevant to
this study are included. The chapter is concluded with

a detailed listing of the specific objectives of the work.




1.2 Environmental Chemistrv of Iron

1.2.1 Hydrolvsis of Iron and Iron Oxvhydroxides

The hydrolysis of iron (5-11) and the subsequent
precipitate formation (7, 12-14) have been intensively
studied for a number of years. The reactions are
complex and important, not ohly for their intrinsic
value, but also for soil component interactions (15-21),
their occurrence and behaviour in natural aquatic
environments (22-27), and as a valuable tool in water
quality control (28-30),

The hydrolysis of Fe(III) has been reviewed by
Sylva (6) and the reaction can be represented by:

+
3

X[ Fe(H2016]3+ + Yy H0=x[ Fe, (OH) (H,0)) (3x-y)+ L y H0
«s+ Eg. (1.1}
where n = the degree of hydration.
For Fe(III) hydrolysis can go beyond the uncharged
§pecies [Fe(OH)s(HZO)B](S) to form anions (31),

such as [ Fe(OH)4 (Hzo) The reactions have been shown

2]
to be dependent on pH, temperature, ionic strength and
concentration of Fe(III) (16), with precipitate formation
and character also depending on age.(32). Isolation of
the precipitates for further study is also difficult as
the character and/or surface activity may be altered by
the isolation and subsequent treatment (7). The

majority of the studies of the hydrolysis are carried

out at low pH ranges so that the rates of hydrolysis



reactions can be measured more easily (7, 13, 16, 33).
Much discussion centres on the possible formation of
dimers and polymer chains made up from [ Fe(OH)]2+ units

(9, 31, 34) by a condensation reaction as shown in

N

2[ Fe(H20)5 OH)ZE s (Hy0), Fe\o/Fe(Hzo)q]

qu (1.2).

44+

+ 2H20

ee. Eq. (1.2}

The second mejor difference between pure chemical studies
of the hydrolysis and this work, as well as the low pH
range, is the low concentrations of iron that are used
compared with those in the pufe chemical studies (7-14).
This is to model the system on the natural environment,
and all variables such as pH, temperature and ionic
strength are controlled so that they are close to an estuarine
like system.

Very few studies on the hydrolysis of iron in
estuarine systems have been carried out, but it has been
found that the presence of suspended particles will
increase the rate and extent of coagulation of'hydrolysis
products, and the same effect is observed for increasing
salinity (35).

The infroduction of Fe(II) from the sediments, mine
streams etc, into an estuarine water column can occur

and may then participate in different reactions compared to
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those of Fe(III). Consideration of the solubility

products of Fe(OH)3 and Fe(OH)z, which are approximately

-36 -17 . .
Kso = 10 and Kso = 10 respectively, can give

information on the rate of nucleation for each species.

For example, at pH = 8 the maximum solubility of the

two hydroxides can be calculated thus:

(Fe>*pon 13 = 1073% and [re?*yonT? = 1077
At pH = 8 [OH] = 107°
e [Fe3+] = 107'® no1. 17} ana [Fe2+] = 107> mo1l. 171,

The rate of nucleation of the precipitate R is:=

R = 5—L§l§=—§‘ oo EQe (1.3)
where k = Rate constant
S = Maximum solubility
S' = Instantaneous concentration, which in this
work is 5 x 10~ mol. 171,
.*. R for Fe(OH), = k (s XI;?IZ = 107%) 1013 k.

k' (5 % 1072 - 1 x 107D _
1 x 10

R for Fe(OH)2 =

I
wn

For this rough calculation k and k' can be assumed to

be equivalent so that the rate of nucleation for Fe(OH)3
is very mucﬁ faster than for Fe(OH)2 (36). This suggests
that the precipitates derived from these two sources

will have different morphologies and possibly different

surface characteristics.



There are numerous crystalline forms of iron oxy-
hydroxides (37), some of which have well defined and
understood crystal structures, while others have only
recently been identifie& (17) and in some cases the
postulated structures have not gained complete acceptance
(38). The iron oxyhydroxides are important in aquatic
environments as they are thought to control trace element
paftitioning between the dissolved and solid phases (39). -
The commonest oxyhydroxide formed by the precipitation of
iron froh natural waters is amorphous ferric hydroxide,
but this will age to Goethite (q-FeOOH) (40). Other
crystalline forms are found in aquatic environments such
as Lepidocrocite (Y-FeOOH)'(41) and Ferroxyhite (&§'-FeOOH)
(42) although these usually occur as mixtures (43-44).
The removal from solution of the dissolved iron can occur
by either inorganic (45) or bacterial precipitation (46)
and the conditions under which precipitation occurs will
also affect the oxyhydroxide formed. When precipitation
occurs in multicomponent media as in an estuary, the
"presence of dissolved organic matter may inhibit ecrystal
formation (47-48). The ageigg to Goethite will also be
retarded, and consequently the dominant form for iron
oxyhydroxides precipitated in situ will be amorphous,
whereas the oxyhydroxides transported by rivers into an
estuary resulting from crustal weathering will be the
crystalline form. |

The adsorption behaviour of both the amorphous and



'crystalline oxyhydroxides is dependent on their surface
characteristics. Most importantly, the pH of zero

point of charge (pHZ.P.C.) is different for each oxy-
hydroxide (49), so the adsorption behaviour for two
oxyhydroxides may be completely opposite at the same pH,
with one being an anion adsorber whilst the other adsorbs
cations. This is a very simple picture, and care ﬁust be
taken to ensure that the model is not extended too far,
Other factors such as chemical bonding may be more
important than surface charge effects so that adsorption
may occur against electrostatic repulsion (50). The
surface areas for each oxyhydroxide are also different
(41-43) with amorphous oxyhydroxides having larger
surface areas than the more crystalline forms (42). The
degree and type of porosity is another surface character-
istic that may vary, but how porosity affects the
adsorption in solution is not known. Therefore it is
important to characterise and identify the oxyhydroxides
formed in model solutions to aid the explanation of
varying adsorption phenomena, and then to examine natural

precipitates to seek similar behaviour.

1.2.2 Redox reaction of Ixon

It is important to sfudy the oxidation and reduction
of iron as either the ferric Fe(III) or the ferrous
Fe(II) form can exist in natural systems depending on the
pH and the redox potential Eh (51) Figure 1.2.1. The

oxidation of Fe(II) to Fe(III) occurs rapidly at the pH



and Eh of most natural waters but the presence of organic
matter has been shown to retard the oxidation (52-53)
which may lead to increased concentrations of dissolved
iron. Conversely the rate of oxidation has been found to
be increased by relatively high concentrations of phosphate,
and the mechanism for this reaction is thought to be the
formation of a more reactive complex between the Fe(II)
and the phosphate (54). These factors show how complex
the reaction can be, and the oxidation of Fe(II) has been
studied bofh for its intrinsic value as well as for water
quality control in both natural (45, 53, 55-56) and waste
water (57, 58) systems. The rate of oxidation is
dependent on pH, temperature and ionic strength (57) and
autocatalysis on ferric oxide surfaces becomes important
above pH = 7 (56). However there is still a wide range
in the values for the rate constants and it is vital that
all possible variables are controlled when measuring the
kinetics of Fe(II) oxidation.

Redox reactions are important in the natural environ-
ment, and Fe(IIl) is present in the anoxic layers of
stratified lakes and fjords (59-60), in acid mine streams
(45, 61-62) and in the interstitial pore water of
anoxic estuarine and marine sediments (63-65). The
oxidation of the Fe(II) in pore waters may alter other
components in the solution (66) and the reduction of Fe(III)
may act as an electron acceptor for arsenite (As(III)),

although the kinetics of this reaction appear to be slow

10.



(67). Reduction of Fe(III) will occur in the sediment
pore water after the dissolved oxygen has disappeared and
nitrate and manganese oxides haQe been reduced (68). It
is known that the Eh must fall below Eh = +100 mV before
iron oxyhydroxides are reduced (68), but this is a
difficult parameter to measure precisely as the system
is not at equilibrium and the Eh will be changing as the
iron'oxyhydroxides-are reduced (69)., The reduction of
the iron leads to enrichment of dissolved iron in the
pore water up to several orders of magnitude higher than
that in the overlying water (68), and this may be
remobilised if the sediment'is disturbed. This is an
important input of dissolved iron. into estuarine systems
which has not received.the attention it deserves.
1,2,3 Adsorption Models

Adsorption phenomena are vital in controlling the
distribution of trace components between the solid and
dissolved phases (39). Numerous papers have been
published on the behaviour of the iron oxide/solution
interface (18, 70-74) and adsorption of cations (75-81)
and anions (72, 82-84) at this interface. Two types

of absorption mechanismlhave been proposed, one emphasising
t

specific chemical interJCtions (85) and the other con-

centrating on the well defined electrical double layer
and charge on oxide surface and adsorbant (70, 78}.
Recently both these concepts have been combined into

a single, and perhaps more realistic model which describes

11,



anionic and cationic adsorption plus the surface charac-
teristics of the oxyhydroxide (71, 80-82, 86). A
comparison of five of the adsorption models has been

made (87), and it concludes that all of the models
examined are a good fit to the experimental data.
However, no model will give an unambiguocus description

of the adsorption energies so that separation into electro-
static and chemical components is not possible. The
study of adsorption onto iron oxides is complex duye to
the variation in the surface properties of the oxide

with pH and ionic strength, and also the fact that
porosity almost certainly exists, while models assume a
smooth surface with well defined surface groups. The
possible effects of porosity have been examined for
Haematitev(a-FeZOB) (18) and two possible mechanisms of
uptake are prdposed, one .dependent on the ability of an
ion to penetrate the pores, and the other based on an
ion's affinity towards the solid. The specific
adsorption of phosphate and sulphate is considered to

be too large for penetration of the pores found in a
‘Haematite (18). This oxide had been degassed at 85°C and
this type of pretreatment has been shown to affect the
surface characteristics of oxyhydroxides (88) and decrease
the porosity-of clays (89), Also the connection between-
the porosity of an iron oxyhydroxide in solution and the
same oxyhydroxide collected and dried is not known.
Macroporosity may well be increased as the precipitate is

concentrated and dried into large masses while micro-

12.



porosity may be decreased.

Adsorption models are still in the formative stage,
and the complexity of a system that a model can describe
is still limited although improvements are being made
all the time. A recent advance involves the effect of
major seawater ions on the surface of Goethite (73-74)
and their effect on the adsorption of heavy metals (90).
The effect of adsorbed humic acids on the surface properties
of Goethite has also been investigated (91) but all these
studies are still a long way from obtaining a model to
fit the adsorption phenomena in a complex environment such
as an estuary. A more simplified approach has been used
to obtain information, in which models are used to
describe adsorption phenomena and which do not involve
detailed specific mechanisms at the oxide/water interface,’
These adsorption isotherms summarize the adsorption
behaviour of a system, and the equations used can be
modified to fit the experimental data. A more detailed
discussion of these adsorption isotherms is given in
Section 1.3.2.

1.2.4 Iron in natural waters

Iron is found in all types of natural water both
as dissolved and particulate forms. Its presence in
seawater has been studied for a number of years (22), and
iron oxyhydroxides were suggested as controls for heavy
metal partitioning in seawater over tﬁenty-five vears

ago (39). Most of the early research on iron in the

13.



aquatic environment concentrated on distribution.ahd simple
speciation studies (92-101), and.methods for improving the
analytical techniques for measuring dissolved iron in
seawater are still being investigated, Using solubility
data for iron oxyhydroxides the calculated dissolved

iron concentration should be less than 10 g 171 at

the pH and Eh of most natural waters. However, the world
average concentration of diésolved iron in river water

is 670 g 171 (102), and despite the arbitrary definition
of dissolved being that which passes through a 0.45 ﬁm
filter, this represents a substantial apparent super-
saturation. Considerable concentrations of dissolved-and
particulate iron and other heavy metals are found in
rivers and estuaries draining from areas of intensive

and prolonged mining activity (61-62). The concentration
of dissolved iron in seawater is much lower, and closer

to the expected concentration, with 5.5-32 yg 1~ being
found in coastal waters (24), and an average concentration
of 2.7 ug 1~ found for marine waters (103), If the
oceanic residence time for iron is calculated using the
average river concentration as the rate of input of
dissolved iron, a residence time of only a few hundred
years is found. If the removal of riverborne dissolved
iron in the estuarine mixing zone is taken into account

a longer oceanic residence time would be found (104), but
consideration of the residual flux of particulate iron

has given a residence time of only 30 years (105).
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In river waters the dominant mechanisms for iron
transport are thought to be as precipitates and co-
precipitate coatings on solids, or incorporated in
crystalline matrices (106). A small amount is incorporated
in organic coatings, with only 1% in solution. However,
this small fraction of the total plays a major part in
the chemical and physical reactions that occur when river
water mixes with seawater in the estuaries. The physical
and especially the chemical changes that may occur to
the particulate material as it passes through an estuary
are extremely difficult to study and consequently have
received little attention until recently (106-111).

The non-conservative behaviour of iroﬁ in ‘estuaries
is now well known (35, 104, 110-117) and can be explained

by the destabilising effect of the seawater cations M92+

2+ towards the negatively charged iron humic

and Ca
colloids (198), which are stabilised by dissolved organic
matter in the river water (104). The fact that the iron

is in a colloidal form makes the choice of a 0,45 pym pore
size as the cut off inconvenient in studying the removal
processes of the dissolved fraction. The phenomenon is now
accepted, but further work is reéuired.on the mechanism’

of flocculﬁtion and perhaps more importantly the effect of
the flocculation on other components such as heavy metals,
phosphate and dissolved organic carbon. These three have

been examined, and it is known that only a small percentage

(less than 20%) (118) of the dissolved organic carbon
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(D.0.C.) is removed and manganese appears to behave
independently of iron so that it may be a conservative
component (116). This can be explained by the oxidation
state and hence solubility of manganese as it can exist
in the Mn(II) form at the pH and Eh found in an estuary
and will be truly dissolved (116), The behaviour of
manganese is apparently not consistent from one estuary
to another (119-120) and deserves separate study from
iron. The interaction of iron and heavy metals in an
estuarine environment has also been studied (76, 113,
121) and this important area of research is receiving
considerable attention.

The association of iron with humic acids has been
studied for a number of years both by soil scientists
(122-124) and in all types of natural waters (125-128)
and the comparison of adsorption behaviour in the
presence of humic acids and in their absence should show
the importance of the humic acids. Adsorption studies
without humic acids are probably more reproducible due
to differences in humic acid samples and mechanisms
without this complicating factor are still diffiéult

enough to prove.
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1.3 Environmental Chemistryv of Phosphate

l.3.1 Phosphate Chemistry

Phosphorus can exist in many forms both in dissolved
or solid phases, and some of these have §gen listed by
previous workers (30, 129). The term "phosphates"
encompasses orthophosphate, polyphosphates and organic
phosphorus compounds but this study is concerned with
dissolved orthophosphate species, and.the term phosphate
will be used to }epresent all the orthophosphate species
unless otherwise stated.

Dissolved phosphate enters the natural water system
by crustal weathering, soil erosion and biological
transfer, plus the anthropogenic inputs from sewage,
detergents, fertilizers and other waste waters (1).
Phosphorus is a biolimiting element, and high available
phosphorus concentrations can lead to high algal growth
which will upset the photosynthetic and reépiratory
activity balance. This may finally result in eutréphication
of the water body due to the consumption of dissolved
oxygen in the decomposition of the organic matter produced.
Therefore it is desirable to monitor the input of nutrient
elements into natﬁral water systems, and to control anthro-
pogenic inputs, so that the system is altered as little
as possible. A method for removing dissolved phosphate
from waste waters is coprecipitation by Fe(III) or
A1(III) salts (130-131), but the oxides from iron and

aluminium also play a major role in phosphate fixation in
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soils, and the interaction of iron oxides and phosphate
in soils is an area of considerable research activity
(15, 132-143), Some of the laboratory modelling
techniques used by soil scientists are transferable to
the aquatic system, but usually both iron and phosphate
concentrations are much higher in the soil systems than
are found in natural waters.
1.3.2 Soil/Phosphate Interactions

The study of soil/phosphate interactions is
centred around the retention of phosphate by soil
components, and its availability to plants as a nutrient,
Almost all the experiments are of an adsorption and/or
desorpfion type and data is usually analysed by either
the Langmuir or Freundlich equations, although the Temkin
equation has also been used (138), The use of adsorption
isotherms for this type of study has been reviewed by
Barrow (140). The simple forms of these equations are:
i) Langmuir equation

L . £ ves Eq. (1.4)

S
max max

(PO,] in solution at equilibrium

[P04] adsorbed per g adsorbant

C
S
where C
S
S Adsorption maximum where a complete

monolayer is formed

k = Constant related to bonding energy
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ii) Freundlich equation

s = kcl/“ «ss Eq. (1.5)
where S, C = Defined for Eq. (1.4)

k and n = Constants
iii) Temkin equation

S RT

s =% Cos (AC) .o Eq. (1.6)
max
where R = Gas constant
T = Temperature

s, Smax and C = Defined for Eq. (l1l.4)

A and b = Constants

All these models are based on equations derived for
gas adsorption onto solid surfaces and have no terms
which consider ionic interactions. This is not an ideal
situation, and although modifications have been made
both to the Langmuir (144) and the Freundlich (137) equa-
tions, good correlation between experimenéal and theoretical
data does not.mean that the model is correcﬁ. Certainly
when dealing with the adsorption of phosphate onto a
charged oxide surface the Langmuir isotherm is unlikely
to be appropriate (143) and a model of ionic adsorption
onto charged mineral surfaces has been derived (70}.

The nature of phosphate/soil interactions are such
that slow long term adsorptioﬂ is important and the

formation of new crystalline phases can occur (133, 145).
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This is of much less importance in the more dynamic
estuarine environment so different sets of equations
are required, and the same applies for the removal of
phosphate from waste waters where fast and almost
quantitative removal is desiied.

l.3,.3 Water Treatment

Iron and aluminium hydroxides have been used for a
number of years both in waste water treatment and
removal of phosphate from treated sewage (131). It is
known that these reactions are dependent on pH,
‘'phosphate to hydroxide ratio and actual concentration
of phosphate and hydroxide, but the removal mechanism
is complex, and not yet clearly understood (146). It
has been shown tﬁat the removal of phosphate is more
efficient if the Fe(III) is produced in situ by the
addition of a Fe(II) salt to the solution rather than
direct addition of Fe(III) (30). The removal by Fe(III)
is also found to be more efficient than aluminium although
both coagulants follow the same mechanism (29).

In all these studies the phosphate and iron concen-
trations are far removed from those found in an estuary

with mg 1Y of phosphate used compared with g 1-1

4

phosphate for estuaries and iron concentrations of 10 M

or higher (131).

For natural water sysfems the interactions of
phosphate with sediments and components therein, have
only been studied comparatively recently with both model

and natural experiments,
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1.3.4 Phosphate in Natural Waters

Phosphorus has no naturally occurring volatile
compound therefore it is restricted to transfer in and
between the lithosphere and the hydrosphere (1).

Phosphate in natural waters has been studied for a
number of years (147-150) due to its importance in the
biological cycles. It is these biological cycles which
make field results even more difficult to model in the
laboratory. Almost all the research is concentrated on
adsorption and desorption reactions connected with the
geochemical cycling of phosphorus, and its availability
to the.biota. Similar results have been obtained between:
adsorption onto sediments, and adsorption onto soils,
with a fast initial uptake of phosphate. followed by a
slower incorporation into the solid phase (148, 150-151}.

The importance of phosphate as regards eutrophication
mainly applies to enclosed or stagnant bodies of fresh or
brackish water. The sea is generally depleted in phosphate
except for localised areas of upwelling (1). Consequently
research has concéntrated on phosphate exchange reactiqns
with lake sediments (152-157) and iron interactions are
often included in these reactions (156-157). The
stratification that can occur in lakes during summer months
makes the anoxic/oxic boundary easier to examine compared
to sediment studies. The reduction of iron that occurs
in the anoxic system is thought to be a controlling reaction
- for phosphate release, while amorphous iron oxides in the

oxygenated system are suggested as adsorbers of phosphate.
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A similar situation occurs in the sediments where an
oxidised surface layer overlies sediment which becomes
anoxic and reducing with depth.

Recently, suspended sediment has been used as a
mechanism for phosphate buffering in a turbid river (158),
and this ties in with wofk carried out in the estuarine
environment where changes in ionic strength add to the
complexity of the reactions. Furthermore, the phosphate
speciation changes with both pH and salinity. At

2

PH = 7 in distilled water both H,PO, and HPO;~ species

are present in about equal concentrations, whereas at

2-

PH = 8 in seawater,HPO4 is the dominant form, and above

3=
pH = 81 P04

A considerable amount of research effort has been

becomes increasingly important (159).

put into the study of dissolved phosphate in the estuarine
environment, Early studies indicated the unusual behaviour
of phosphate, in that its concentration remained relatively
constant'throughout the salinity range found in an

estuary (147). Eétuarine sediments have been shown to
remove phosphate from solution and some separation of

the biological and physical/chemical reactions was possible.
(148, 150). The exchange of phosphate that occurred was
thought to maintain the concentration of phosphate in the
water at ~ 1.0 pmol 1'1, and similar conclusions were

drawn from a series of measurements made in the Tamar
Estuary (160). It was suggested that the sediment acted

as a buffer for the phosphate in solution, adsorbing
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when concentrations in the water increased, and desorbing
when concentrations were low. Due to the known association
of iron with phosphate this element was suggested as a
possible controlling factor. The_uptake of phosphate

on sédiments was found to be a two stage reaction (150,
161), with a fast initial uptake as physical/chemical
adsorption occurs, followed by a slower incorporation into
the sediment, as was found for the reaction with soil
components (133, 145). The secondary slow reaction

becomes important in the sediments, where iron phosphate
minerals may be formed (155, 162). This reaction will

tend to immobilise the phosphate bﬁt reduction of the iron_
oxyhydroxides to Fe(II) as the sediment becomes anoxic

may release phosphate back into solution (163), Some
recent work both in the field and in laboratory simulations
has shown some removal of phosphate from solution in the
low salinity region of an estuary (114, 164-165). This
remo§a1 is also associated with the removal of dissolved
and colloidal iron sd that the behaviour of phosphate in
an estuary is closely connected to the behaviour of

iron, both in the water and the sediment. There is
considerable evidence for phosphate removal, as shown
above, but for a true buffer system to exist, desorption
must occur,'and it is much more difficult to show direct
evidence of desorption from sediments to the water column.
Laboratory experiments have shown desorptién from typical
estuarine sediments (148, 161) and further evidence of

possible buffering is found in a study of Hong Kong
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harbour sediments (166). A decrease in available
phosphorus extracted from sediments with increasing
salinity is explained as the phosphafe being held by
an iron organic phosphate complex of limited stability
which can lose phosphate as the sediment particles are
transported down an estuary (167).

Therefore both iron and phosphate are involved
in reactions where the fresh water meets the saline;
removal .of phosphate also occurs on iron oxyhydroxides
but may be returned to solution if salinity or phosphate
concentration changes allow. Both iron and phosphate
may be fixed in the sediments as.discrete crystal
phases or under anoxic conditions both may be returned
to solution. In this study. the interactions of well
defined iron oxyhydroxides with phosphate under tightly
controlled conditions will be examined. The uptake of
phosphate will be examined at the frgsh water and seawater
ends of the estuarine environment and pH, temperature,
[P04j and [ Fe] will be maintained at typical estuarine

values.

b,
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1.4 Aims_of Present Work

The aims of this research can be summarised as

follows:

1.

To study the formation of iron oxyhydroxide
precipitates from Fe(II) and Fe(III) in various
aqueous media. This aspect to include buffered
distilled water, NaCl solutions, seawater and

natural fresh waters,

To characterise and identify the above precipitates

by transmission electron microscopy, MYssbauer
spectroscopy, X-ray diffraction, infra-red
spectroscopy and surface area measurements.

To study the uptake of phosphate onto these
precipitates under strictly controlled conditions
typically found at either end of the estuarine
range, and to extract kinetic information and
mechanistic pathways for these reactions wherever
possible.

To complement the above model studies with
examination of precipitates formed from natural
sources of dissolved iron and to compare the
uptake of phosphate onto these precipitates with
the synthetic oxyhydroxides.

To combine all the above into a semi—quantitative
model which may enable predictions to be made on
possible reactions between iron and phosphate in

an estuarine environment.
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2. EXPERIMENTAL METHODS

The experimental work undertaken in this study can be
split into two parts; the first is concerned with the
behaviour and characterisation of iron precipitates
derived from either model or natural sources of iron.

The experimental methods for this are outlined below,
starting with a study of the precipitate formation, and
progressing through precipitate characterisation to
identification. The second part is concerned with the
interaction of both the synthetic and natural precipitates
with dissolved phosphate. This is in order to investigate
the possible phosphate adsorption mechanism thought to
occur in estuarine waters (160, 166) and it also has

important implications for water quality control (30).
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2.1 Nephelometry

The formation and short term ageing of Fe(III) and
Fe(IIl) derived precipitates were studied using a
nephelometric technique. Nephelometry is the measurement
of light scattered by microscopic particles. For most
water Analyses an angle of scattering 900 to the incident
ray is used as this is least sensitive to variation in
particle size (168). Turbidity‘measurements have been
used to study precipitation reactions (164, 169-170, 14)
but light scattering theory is complicated by such
factors as particle size and shape, absorption, concen-
tration and other physical or optical anisotropies which
makes the extraction of quantitative information extremely
. difficult (168).

A recent progression is the use of laser Fraunhofer
diffraction to study the particle size characteristics
of suspended sediments in the turbidity maximum of an
estuary (171).. This technique is still in the development
stage but the possibility of measuring the changes in
particle size distribution as Fe(III) or Fe(II) preéipi-
tates and flocculates would add greatly to the understanding
of these complex reactions.

In this work, the formation and subsequent
flocculation of colloidal iron oxyhydroxides in model and
natural waters were studied using a continuous flow
system. Initially a batch sampling technique was tried,
but the particle formation from Fe(III) was too rapid

and so the flow system was developed. This was then used
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for all subsequent experiments with Fe(III), Fe(II) and
natural forms of iron.

The instrument used was an Aminco Fluoro-Colorimeter
with a 4 watt U.V. lamp with maximum emitted energy at
360nm wavelength, The flow system was constructed from
a 250ml polyethylene beaker with 2 P.V.C. tubes set low
into opﬁosite sides to act as inlet and outlet points
(Figure 2.1.1), The quartz élass lcm, square cells were
adapted to decrease dead volume and héd glass tubes fixed
- at either end. A Watson Marlow MHRE 200 Mk 4 peristaltic
pump was used to pass. the fluid around the system. The
beaker had. to be covered with black masking tape as well
as the input tube otherwise sensitivity was greatly
reduced., Loss of iron:Eo the glass and plastic surfaces
was minimised by ageing the system with an iron solution,
and not activating the surfaces by acid washing. The
system was rinsed several times with distilled water
between runs, and after approximately 2 weeks use, the
glass cell would be acid washed beéause the gradual build-
up of iron was found to decrease the sensitivity over
longer periods. A flow rate of approximately 5 ml g1
was used which is equivalent to a complete cycling time
of 40 seconds. The dead volume was 26ml, and iron entered
the sensor within 3 seconds of injection into the beaker.

- A fixed speed mini magnetic stirrer was used to stir
the solution/suspension rapidly and pH was measured with
an E.I.L. combination glass electrode with an E.I.L.

model 7060 digital pH meter. The electrode was calibrated
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Figure 2.1.1., Cross-sectional diagram of flow system.

Scale approximately half actual size.
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with pH = 4 and pH = 7 buffers before each experiment,
and the pH was plotted alongside the relative intensity
of scattered ligﬁt on a 2 pen chart recorder. The chart
speed was varied according to the speed of reaction;

a Smm sec'l speed was required for the particle formation
from FeCl, but this could be reduced to lmm sgc-l or

10mm min-1 for the slower stages of flocculation:and

the slower particle formation from FeClz.

All chemicals used were analytical grade (B.D.H.
AnalaR) exceptfor the F‘eCl2 which was a reagent grade
chemical 96% FeClz. The iron concentrations were held
close to typical river concentrations (172) by injecting

100 yl of 0.1M FeCl_ or FeCl. in O.OIM HCl into 200 ml

3 2
of the model or natural water to give a final concentration
of 5 x 107> mol 1!, Model waters used were distilled

water .(initially without a carbonate buffer but a 2m-
equivaleny buffer was required to curb the pH changes
occurring from the addition of the acidic iron solutions}
NaCl solutions of O,1 or 1.0CM ionic strength, and artificial
seawater as formulated by Kester et al (173). The
natural solutions were filtered Tamar rive;.water,
filtered seawater collected from the Western Approaches,
to the English Channel at station El, or water from

iron rich acidic streams near Cadover Bridge on the river
Plym and Carnon River, Falmouth, In the latter two cases,
the dissolved iron was precipitated by changing the pH

and/or ionic strength and no further iron was added..
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Although the light scattering properties were not examined
in detail, an attempt was made to obtain semi-quantitative
information on the relationship between relative intensity
and iron remaining in solution. During the first 5 minutes
of an experiment 10 ml aliquots would be removed, and
immediately fiitered through 0.45 ym or 0.22 ym

Millipore membrane filters into standard flasks containing
1 ml of concentrated AristaR HC1l to quench the precipitation.
This solution was then analysed for iron on an I.L.151
Atomic Absorption Spectrophotometer in the flame mode,
using a lean air Acetylene'flame. This indicated that all

the iron was removed from solution within one minute unless

- the pH fell below pH = 6, In seawater the pH could fall

as low as pH = 5 and the iron would still be rapidly
removed from solution showing the strong coagulating
nature of the seawater ions.- No difference was found
betﬁeen solutions filtered through 0.45 pym and 0,22 ym
filters, but if the initial rise in relative intensity
is due to colloid formation then the sampling technique
is too slow to extract suspensions containing the stable
colloid. This can be judged from the timescale of the
event which was in the order of 5 to 10 seconds whereas

the first aliquot was withdrawn in 25 to 30 seconds,

31.



2.2 Surface Area Measurements

To characterise the precipitates formed, and as a
comparison between the ferric and ferrous derived material,
surface area measurements were carried out. An in situ
measurement was thought preferable because the pretreat-
ment required by other methods may alter the surface
characteristics, and therefore a dye adsorption technique
was tried (174-175). The cationic dye Methylene Blue
C.I1.52015 was used. 1 g samples of iron oxyhydroxide

were precipitafed from FeCl_, by the addition of 1.0OM

3
NaOH, and 150 ml of dye solution ranging from 0,8-8.0 g 1-

1
were added to the suspensions and shaken for 20 hours on
an orbital shaker. The pH was maintained between pH = 6
and pH = 8 (176) and experiments were done at room
temperature, A 20 ml aliquot was removed from each
solution and the iron oxyhydroxide centrifuged off, A
1l ml sample of the supernatant liquid was diluted to a
known volume to enable the absorbance to be measured.
This was done on a Corning 253 colorimeter at 610 nm
using 1 cm plastic cuvettes with distilled water as the
blank,

No sensible results were obtained from this method, see
Figure 2.2.1.The solubility of the dye was exceeded
before a plateau in the adsorption isotherm was reached
and it was thought that dye miscelles were being adsorbed
rather than single dye molecules (175), The large

surface areas that have been found for iron oxyhydroxides
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Figure 2.2,1. Adsorption isotherms for uptake of Methylene
Blue onto iron oxyhydroxides. X - Aged

0.5 hy, O - Aged 24 h.
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(80, 177) meant that large concentrations of dye had to
be used to get complete monolayer coverage and this
concentrated dye solution would more easily form
miscelles. Therefore this method was abandoned and the
more common B.E.T. gas adsorption method (178) was used.
The main drawback of this method is it requires the
isolation of the precipitate from solution, and exactly
what relationship there is between the surface area of
the isolated precipitate and that in solution it is
impossible to say., However the surface areas measured
can be used as a comparison between the Fe(III) and Fe(II)
derived precipitates and also the natural precipitates.
The Synthetic iron oxyhydroxides were prepared by
to 5 1 of buffered distilled

4 mol 1'1.

adding 0.05M FeCl. or FeCl

3 2
water, to give a final concentration of 1 x 10~
This is double the concentration used in the adsorption
experiment because this enabled sufficient oxyhydroxide
to be collected from 15-20 1 of suspension which was the
maximum volume practicable. The precipitates were aged-
from 1 hour to 12 days in suspension at 15°C. For the
short term ageing all the solution was centrifuged at
2000 r.p.m. in a largé volume (2.5 1) centrifuge.for

10 minutes. The precipitates were washed out of the tube
with acetone to remove internal water and thus arrest
ageing processes. Finally the precipitates were dried
under vacuum at room temperature. Longer ageing times

meant that the precipitates were settled out overnight
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and approximately half the supernatant liquid was decanted
off before centrifugation and collection as above, A
similar procedure was used for natural waters, but this

is described in detail in Section 2.5.3.

The surface areas of the iron oxyhydroxides were
measured for approximately O.1 g samples using a gravimetric
B.E.T. nitrogen adsorption technique, A C.I. Mark 2B
vacuum microbalance was used, and this gave g to mg
sensitivity using samplés of 0.25 g or less.

The Samp;es were outgassed on the vacuum microbalance
at room temperature for 24 hours after which the adsorption
of nitrogen at -196°C was measured in sequential steps.
Approximately 6 measurements were made at %— values from
O to O0.3. P is the pressure of nitrogen inomm.Hg and Po
" is the atmospheric pressure also in mm. Hg. When-%— = 0.3

o

complete monolayer coverage of the solid has occurred,

and for higher g— values the measurements were more
o

widely spaced.

The porosity of the samples was also investigated
by plotting the desorption curve. The extent and type
of porosity is indicated from the hysteresis curves,
and longer equilibration times, up to one hour, were
allowed for the desorption points. The hysteresis curves
were normally plotted with the adsorption isotherms so

that the presence of porosity was c<learly shown.
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2.3 Precipitate Identification

Both the phosphate adsorption studies and the
surface area measurements revealed considerable differences
in the behaviocur of Fe(III)Iderived compared with Fe(II)
derived precipitates. To give a positive identification
of the oxyhydroxides formed, a variety of analytical
techniques had to be used. The main techniques used
were transmission electron microscopy (T.E.M.), X-ray
diffraction and MBssbauer spectroscopy. In some cases
I.R. spectroscopy and scanning electron microscopy
(S.E.M.) with an X-ray dispersive energy microprope were
also used.

2.3.1 Transmission Electron Microscopy

A Philips E.M. 300 microscope was used to examine a

variety of precipitates, both freshly prepared and aged
synthetic oxyhydroxides and natural iron precipitates.

An 80 kV accelerating voltage was used for all samples
which were mounted on Formovar coated copper grids.

Samples were withdrawn using capillary tubes and the

water was evaporated off under a high powered lamp. The
convection created in the water drop by the heat from

the lamp ensured a disperse coverage, but some of the
samples had to be ultrasonically treated before extraction.
To prevent salt crystallising from samples precipitated

in seawater the precipitates were settled out, the seawater
was decanted off, and the precipitate washed twice in

distilled water,
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Aged precipitates were stored in 50 ml or 100 ml
plastic bottles for up to 6 months at room temperature,
They were aged in the mother liquor or some seawater
precipitated oxyhydroxides were aged in distilled watef.

2,3,2 X-ray Diffraction

A few milligrammes of the oxyhydroxides isolated
for surface area measurements were mounted on glass
cover slips using a little Durafix adhesive dissolved in
acetone, The powder X-ray diffractograms were taken
using a Hilger Watts Y90 X-ray generator with a Solus-
Schall diffractometer and a Berfhold scaler timer. An
Mo Ka source with a .Zirconium filter was used, and the
radiation was generated at 36 kV and 18 mA, with
3 x 102 counts per second and a 3 second time constant.
The d-spacings were calculated for all visible peaks and
then compared with all possible iron oxyhydroxides on
the ASIM cards. A reference sample of y-FeOOH
({Lepidocrocite) Sample P23 (179) was used as a comparison
for the Fe(II) derived precipitates and the Lady Bertha
Mine stream sediment, but the Fe(III) derived and other
natural precipitates were almost totally amorphous.
2.3.3 M8ssbauer Spectroscopy

Additional 10-20 mg samplesi@ere taken from the
oxyhydroxides used for surface area measurements, and
pPlaced between polyethylene discs fitted into a perspex
holder. M8ssbauer spectra were recorded at room
temperature (293K) and in liquid nitrogen (77K) on a
MUssbauer spectrometer of similar design to that of

57

Clarke gt al (180). The source was 25m Ci of ~'Co in a
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rhodium matrix and measurements were made over 24 hours.
The isomer shifts (§) were measured against iron metal as
the zero velocity reference and could be measured to

£+ 0, 1lmm s'l. Quadrapole splitting could be measured to
+0,05mm s-l. The spectra were plotted by computer but a

line of best fit has not been drawn through the points.

2.3.4 Additional Techniques

Whereas the synthetic oxyhydroxides are likely to be
one oxide only, the natural precipitates may include
various forms of iron plus other precipitated material.
To aid the identification of these more complex precipi-
tates scanning electron microscopy and infra-red (I.R.)
spectroscopy have been used.

The scanning electron microscope was a JEOL 35
which was combined with a Link Model 860 X-ray spectrum
analyser. This X-ray dispersive energy probe was very
useful for identifying the elements present in the single
particles under examination and so prove that what was
under scrutiny was an iron rich compound. This facility
was not available on'the transmission microscope and
care must be taken that particles examined are represen-
tative of that sample and not unusual ones that look
"interesting”.

Samples for S.E.M. were mounted on Aluminium stubs
and coated with a thin layer of gold. An accelerating
voltage of 25 kV was used but little additional information

could be gained except from the X-ray probe analyses.
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The major problem in studying the precipitates on
the S.E.M. was an inability to focus clearly on the
particles. The T.E.M. clearly showed how small the
particles were, and as magnification was increased in the
S.E.M. resolution was decreased so that the images became
indistinct before the small particles could be seen.
Only aggregates could be seen clearly, and so no extra
information on the three dimensional aspects of the
precipitates could be gained, as was originally hoped.

I.R. spectroscopy was also used to examine some of
the precipitates by comparison with crystalline references.
One or two milligrammes were dispersed in 400 mg KBr
and compressed into a disc, The spectra were recorded
on a Perkin Elmer 257 double beam spectrophotometer,

from 4000 wavenumbers to 400 wavenumbers.

39.



2.4 Phosphate Adsorption

The removal of phosphate from solution by iron oxy-
hydroxides was examined under varying conditions closely
modelled to those found at either extreme of the
estuarine environment. Initial experiments revealed
the necessity for tight control of all experimental var-
iables including reactor size, temperature, pH, precipitate
age and initial iron and phosphate concentrations.

2,4.1 The Design of the Chemical Models

Initially experiments were carried out in 500 ml
glass beakers, This was unsatisfactory due to the volume
of liquid withdrawn for analysis leaving less than half
the initial volume, and some interaction between the
glass surfaces and the iron precipitates. Therefore the
experiments were carried out in 1 1 glass beakers to
give a larger volume to surface area ratio to reduce the
container wall effects without requiring specialised
stirring methods on very large volumes of liquid., All
the work was carried out in constant temperature rooms
fixed at 15°C + 1°C or 2% : 1°C. Solutions of 0,05M FeCl,
and FeCl2 were made up as for the nephelometric study,
and iron oxyhydroxides were produced by adding 1 ml
of solution to 1 1 of either seawater filtered through
Whatman GF/C filters or distilled water. The latter con-
tained a buffer of approximately 2m equivalents produced
by dissolving 1.8 g of NaHCO3 in 10 1 of distilléd water

and bubbling air through the solution overnight. Both

this solution and the filtered seawater were stored
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in 10 1 polyethylene bottles; this reduced the phosphate
in the seawater to <0.1 pmol 171, (181).

The pH range examined was pH = 6.5 to pH = 8.4 with the
pH altered by addition of O,1M HC1l or NaOH. For low
pH values 6,5 a variable mixture of C02/air was bubbled
through the solution, this giving a more stable value
than the addition of acid., The maximum variation of pH
during the course of an experiment was :0.2 pH units in
seawater, and +0.,4 pH units in distilled water. The pH
was monitored with an E.I.L. combination glass electrode
in conjunction with an E.I.L. model 7060 digital pH meter.

The initial dissolved iron concentration was
5 x 107> mol 1~1. The beakers were not acid washed between
experiments so that losses of iron to the container walls
were reduced, .After each experiment the beakers were
wiped with a tissue and riﬁsed thoroughly with distilled
water to remove excess iron. Less than 10% of iron was
adsorbed for each experiment, and a blank solution to
test for phosphate removal in the absence of iron showed
losses below the limit of detection (see below) over a
2 hour period.

The precipitates were either freshly formed in situ
or aged for 20 hours in situ. Fe(II) solutions were
stirred open to the air so that the solution could be

considered to be 02 saturated throughout the course of an

experiment. To avoid dust contamination a plastic film

was stretched over the beakers. The phosphate was added




from a stock solution of NaH,PO, made up by dissolving

2" 74
0.1361 g of dry NaH2P04 in 1 1 of distilled water saturated
with chloroform to inhibit biological activity. Initial

phosphate concentrations ranged from O.5 to 10.0 umol 1-1,

with the majority of experiments using 1.0 umol 1~
initial concentration, this being typical for natural
waters (148, 160, 165).
2.4.2 Analytical Methods

The uptake of phosphate was monitored over 2 hours
by withdrawing 25 ml aliquots in a syringe and filtering
immediately .through 0.45 um Millipore filters. The
dissolved phosphate was measured using the Molybdenum Blue
complex single reagant method on a Pye Unicam SP500
spectrophotometer at 850nm using 10 cm cells (182). For
initial phosphate concentrations above 5.0 pmol 171
which is the upper limit of the linear range (183) 25 ml
- of distilled water were pipetted into the conical flasks
to dilute the phosphate solution before reagent addition.
Equilibrium values for the dissolved phosphate were taken
after 20 hours. This was taken as the end point of the
adsorption processes under study, before diffusion of
adsorbed phosphorus into the bulk of the oxyhydroxide
occurs (133).

The coefficient of variation for the Molybdenum Blue
method was found by takiné 8 replicates of a 1.0 umol -1
stand&rd and was found to be 1,9%. Therefore the

reproducibility of the sampling method is very good despite

42,



the number of stages involved. The coefficient of
variation for the measurements taken during an adsorption
experiment was found by taking a sample from 4 separate
but identical runs at a fixed time of 10 minutes. The
coefficient of variation increased to 6%, only a 3 fold
increase over the analytical method despite the added
complexity of the system.

The equilibrium concentration of phosphate varied
with pH but never fell below 0.09 umol 17! even after a
20 hour equilibrium time. The limit of detection
was 0.02 ymol 1-1 and blanks of distilled water contained
no measurable phosphate. Therefore this very low
equilibrium concentration is a real measurable value,
and is not below the 1limit of detection for the analytical
method. The phosphate concentrations used were low,
therefore care had to be taken at all times to avoid
contamination. Solutions were partially covered whenever
possible, and all syringes, flasks and filter holders
were washed in dilute HCl and rinsed with distilled water
before each experiment. Problems involving phosphate de-
sorption and/or adsorption from/to filters have been
identified (181), but pretreatment of the filters was
impracticable due to the very large numbers used.,
Experiments were carried out to investigate this problem
by measuring the phosphate in filtered and non-filtered
solutions. At the phosphate concentrations and pH range

used there was no desorption, and less than 5% adsorption
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onto the filters was found. This removal is not
significant compared to the adsorption onto the iron
oxyhydroxides, and the consistancy of replicate runs in
the modelling experiments and the coefficient of
variation indicates that this removal is a consistent
factor in the experiments. Analysing the filtrate for
‘iron either by a colorimetric method (see Section 2.5)
or by Atomic Absorption showed that iron was completely
removed from solution over the pH range used by the
0.45 uym filter. The slowly oxidising Fe(II) solutions

2 . . .
+ remained in solution

were an exception to this, as Fe
and so could pass through the filter,

The measurement of phosphate at these levels was a
standard procedure in the M.B.A. laboratbry, and checks
on both blank and calibration factors were carried out
regularly. Calibrations were only found to vary signifi-

cantly when fresh stock solutions of NaH2P04_were made

up, and the calibration factor was altered accordingly.
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2.5 Collection of Natural Samples

The majority of natural waters examined contained
predominantly Fe(II) as it was thought this form of
iron would be of importance in an estuary, but as yet
had received little attention, Fe(II) oxidises rapidly
in aerobic conditions at pH values greater than pH = 3,
therefore care was needed in collecting and using samples.
The section below outlines the sites, methods of collec-
tion and analysis and the experiments carried out using
these natural sources of iron.

2.5.1 Sample Sites and Field Operations

Acid mine streams at Cadover Bridge on the river
Plym, Lady Bertha Mine (184), Plate 2,1, on the river
Tavy, both sites in Devon, and the Carnon river (61) in
Cornwall, all S.W. England, Figure 2.5.1 were found to
contain high concentrations of dissblved iron, 90% or
more as Fe(II). Samples were collected from these’
streams in acid washed '1 1 plastic bottles filled to
overflowing and tightly stoppered to exclude air,

These samples were returned to the laboratory within two
hours and stored at 2°c, A 11 sample was taken,

filtered through Whatman GF/C and then 0.45 pm Millipore
filters and used in a phosphate adsorption study immediately.
Analysis for total dissolved iron and Fe(II) iron, and
dissolved phosphate was carried out during the second
filtration stage.

The second source of natural samples was interstitial
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waters taken from either estuarine or mine stream
sédiments. The latter site gave very high dissolQed iron
concentrations and together with ease of locating and
collecting the samples, this site was favoured over
estuarine sites,

Interstitial samples were collected by in situ
dialysis using cellulose acetate dialysis bags mounted
in perspex holders (185). Each dialysis bag contained
approximately 20 ml of deoxygenated distilled water, and
they were immersed in the anoxic layer of‘sediments for
between 5 and 8 days, with the object of collecting Fe(II).
Very few studies have been made on the sampling of waters
by dialysis bags (186) but it proved to be a satisfactory
technidue for this study as a source of Fe(II) was all
that was required.

On retrieving the samplers approximately 2 1 of the
sediment were also collected to protect the samples from
the air. Beakers containing samplers and sediment were
put into a glove bag previously flushed with nitrogen, and
returned to the laboratory within two hours. There the
bags were quickly transferred from the holders into
deoxygenated distilled water, and then the outer surfaces
rinsed clean before cutting the bag and emptying the
contents into a measuring cylinder. The whole: operation
afterx tfansfer from the holders was done under nitrogen,
and the measuring cylinders were tightly stoppered and

stored in a fridge. These samples were always used within
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48 hours of collection, and were not used if signs of
oxidation were apparent, i.e. an orange precipitate
collecting at the bottom of the cylinder. Usually 2 or 3
bags were combined in 1 cylinder to give between 40 and
60 mls of sample. A small aliquot of this was

analysed (see Section 2,5.2) the rest used in modelling
experiments (see Section 2.5.3).

2,5.2 Analgfical Methods

The analysis of the natural samples is discuséed
here under a separate heading as there are additional
factors and problems that have to be taken into account
when analysing these natural waters rather than the
chemically simpler model solutions.

Phosphate was measured using the Molybdenum Blue
complex single reagent method (183)., There were no
additional problems for this method, provided that the
very variable phosphate concentrations in the streams
and more especially the interstitial samples did not
exceed the linear range of the method. When this was the
case, the samples were diluted with distilled water prior
to analysis, and for some interstitial samples a 25 fold
dilution was required.

Dissolved total Fe and Fe(II) were measured using
the Ferrozine reagent method (187) on a Pye Unicam SPS00
spectrophotometei with 1 ¢m cells at 560 nm, The measure-
ment of total dissolved iron is straightforward, and for

the measurement of iron in some interstitial samples an
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80 fold dilution with distilled water was required. The
analysis of Fe(II) presents problems both in sample
handling and also the specificity of the measurement.
Natural waters may contain both Fe(I1II) and Fe(II) iron,
and the complexation of Fe(II) may disturb the Fe(II)/Fe(III)
equilibrium (188). However, the Fe(III) is usually in
a colloidal form (189) and its conversion to Fe(II)
will therefore involve a heterogeneous process that is
likely to be slow (190). The dissolved organic matter
will also interact with the Fe(II) (52) so that organic
matter can reduce Fe(III) even under oxidising conditions
(190). From these considerations the Ferrozine method
was thought to be suitable for Fe(II) analysis, with
the acidification and reduction steps omitted, and
absorbance readings taken after 5 minutes of reagent
addition. A comparison between the 2,2' Bipyridyl
colorimetric and polarographic methods of measuring Fe(II)
in natural waters has found good agreement (190) and checks
on the measurement of Fe(II) in an excess of Fe(III)
showed negligible reduction of the Fe(III) after 10
minutes provided the acidification step was omitted.
2.5.3 Preparation of Models and Precipitates

The n;tural sources of iron were used both for

phosphate adsorption experiments and also precipitate

characterisation studies. The most important consideration
for these studies was restricting the concentrations to
the levels controlled in the models, The solutions werxe
first used in the phosphate adsorption experiments, and

then the precipitates formed were examined to compare
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with the synthetic precipitates.

The stream waters contained dissolved iron levels
close to those used in the model adsorption experiments,
and no addition or dilution was carried out. The phosphate
levels were variable, but tended to be lower than those
used in models so that additional phosphate was added, as
in the model experiments, before the iron was precipitated.
The pH was increased by adding O.IM NaOH and the precipi-
tates formed rapidly, and removal of phosphate was
monitored as before, Furthexr experiments were carried
= out by increasing the ionic strength of the sample at the
same time as increasing pH. This was done by adding
200 ml of a concentrated solution of NaCl and MgSO4
dissolved in filtered seawater,>to 800 ml of stream water,
22 g of NaCl was added directly to 200 ml of seawater
and then 8 g of MgSO4 dissolved in a liftle distilled
water was carefully added to this solution, This gave a
concentrated seawater analogue with normal concentration

of Na*, c1”, Mg2+

and 802- and other ions depleted when
added to the stream water. |

Almost all the experiments involved freshly forming
precipitates but a few were carried out on precipitates
aged for 20 hours as a comparison with the model.

The interstitial samples contained high levels of
iron and phosphate so that 20 ml could be injected into

1 1 of seawater or buffered distilled water to give

comparable iron concentrations. The solutions contained
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1.0 or 2.0 pmol 171 of additional phosphate, and the
removal was monitored as before with the interstitial
phosphate taken into account., Again, the majority of
experiments involved freshly forming precipitates but

a few experiments examined the uptake onto aged precipi-
tates derived frém interstitial waters.

It was not possible to obtain sufficient precipitate
from the interstitial samples for surface area analysis,
X-ray diffraction or MYssbauer spectroscopy, but the
precipitates were examined under the electron microscope.

For the stream waters, 30 1 of the iron rich water
were collected, filtered and the iron precipitated out
by increasing the pH. For one sample which was rich in
organic matter the iron was precipitated out by the
addition of a concentrated NaCl solution. The total
ionic strength was thus raised by 0.07M and the precipitate
formed within 36 hours at 15°C. Once the iron had been
removed from solution, it was isolated and dried in the

same way as for the synthetic precipitates.

52.




3. RESULTS AND DISCUSSION

This, the major chaptér of the study, is large in
content because of the need to integrate the two inter-
related aspects of the study, namely the nature of the
iron oxyhydroxide solids and the response of phosphate
to those solids. The first section describes the
characterisation studies undertaken on both natural and
synthetic iron oxyhydroxides. The second section
describes their oxidation and precipitation behaviour
under ‘simulated natural conditions using nephelometry.
This aspect then interfaces with the final section on
phosphate adsorption since the abpearance and nature
of the solid phase controls the chemistry of the dissolved

component,
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3.1 Precipitate Characterisation

3.1.1 Surface Area Measurements

The surface area of an adsorbant is one of the major
variables encountered in adsorption studies. Numerous
measurements have been made on the specific surface areas
of amorphous and crystalline iron oxyhydroxides and various
techniques have been developed and modified to try and
improve the accuracy and reproducibility of the measurements.
In this study, the difficulties encountered in measuring
the surface areas were exemplified by the apparent failure
of the dye adsorption method. It was therefore decided
that the more commonly used B.E.T. N, adsorption technique
would be employed to give a comparison between synthetic
and natural precipitates formed in this study and also iron
oxyhydroxides investigated by other workers., Unfortunately,
there is little agreement in surface areas measured by
different workers using the same technique for a well
defined oxyhydroxide, and the variability between techniques
is even greater, as shown in Table 3.1. Some of the
variability in the surface areas for Goethite as measured

by B.E.T. N, adsorption for instance must lie in the

2
oxyhydroxide itself, and will depend on how it was formed -
and isolated prior to being analysed. It is also apparent
that measurements made in situ are much larger than those

made on precipitates removed from solution. Studies on

the weight loss on outgassing of iron oxyhydroxides have
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Table 3,1 Comparison of specific surface areas of

iron oxyhydroxides

Iron ' Surface Reference
Oxyhydroxide Method of Measurement area .
2 =1
m.” g
a - FeOOH Adsorption of Ethylene
Glycol 112 191
" Geometric Surface Area
from Electron :
Microscopy 118 191
" Geometric Surface Area
from Electron
Microscopy 11-18 91
" B.E.T. 87 192
n B.E.T. N2 89 193
" B.E.T. N2 48 84
" B.E.T. N2 71 194
Y - FeOOH B.E.T. 128 192
" B.E.T. Ar 116:8(a)b‘ 146
11413.6(
" B.E.T. N2 100 195
" B.E.T, N2 171 196
" B.E.T. N2 97=-121 This
work
Amorphous B.E.T. Ar 215(¢)_
Fe(OH)3 ‘ 265(d) 17
n B.E.T. N2 215 76
n Adsorption of Phosphate 720 197
" B.,E.T. N2 182 81
" Negative Adsorption of
+ 270=-335 198
Na
" B.E.T. N2 320 88
" Calculated from
Particle Diameter and
Density 840 81
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Table 3,1 - continued

Method of Measurement

Iron Surface Reference
Oxyhydroxide area
m.2 c;;'l

Amorphous B.E.T. 159 199
Fe(OH)3

" Negatlve Adsorptlon =700 169

of Mg
" B.E.T. N2 280 15
" B.E.T. N2 159-234 32&:

(a) Measured on manually operated equipment

(b) Measured on automatic equipment

(c) 1 year old

(d) 1 month old
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shown loss of chemisorbed water (88). This has been
shown to occur at room temperature and this results in
surface decomposition which may lead to an underestimate
of the actual specific surface area. Comparative studies
on two clays have shown variations in the surface areas
of each clay when air dried, vacuum dried and oven dried
(89). However, care must also be exercised when u;ing
some of the in situ techniques such as the negative
adsorption technique which applies onl} to smooth non-
porous surfaces (200), an assumption that cannot be made
for iron oxyhydroxide surfaces.

The results of the specific surface area measurements
for synthetic iron oxyhydroxides prepared in this study
are included in Table 3.1, and it can be seen thatifor
Lepidocrocite (y~FeOOH) there is very good agreement with
other values and that for amorphous ferric hydroxide tﬁe
surface area falls within the c¢onsiderable range of
previous values but towards the lower end.

The B.E.T. plots for two of the Lepidocrocite samples
and two of the amorphous oxyﬁydroxides are given to show
the reproducibility of the measurements (Figures 3.1.1-
3.1.2)§ The variation in surface areas due to ageing
processes is shown in Table 3;2 which includes typical
values found for the completely crystalline forms of the
oxyhydroxides. The initial increase in the surface area of

1 1

Fe(III) derived precipitates from 159 m2 g~ to 234 m2 g

is either due to a disordering of some initial structure
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Figure 3.1.1. B.E.T. plot for 48 h aged

precipitates. O -~ Fe(I1) derived

Lepidocrocite. [] = Fe(III) derived amorphous
iron oxyhydroxide.
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Figure 3.1.2. B.E.T. plots for 2 h aged
precipitates, O - Fe(II) derived
Lepidocrocite., [J- Fe(III) derived amorphous

iron oxyhydroxide.
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Table 3.2 The surface areas of aged Fe(III) derived

and Fe(II) derived oxyhydroxides

: . o 2 -1 (®)
Ageing Time Specific Surface Area m“ g
(hours)
Fe(IlI) derived Fe(II) derived
2 159 121
48 234 120
168 - 97
288 173 -
o g7{2) 128(2)

(a) As measured for crystalline g-FeOOH and
y-FeOOH by Cabrera et al (192)

(b} Surface areas calculated from g against
o

—E — plots by standard gravimetric
x(Po-P)

method including buoyancy corrections (217)
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in the precipitate over a short time, or it may be an
artifact in the sampling procedure as the 48 h old
precipitate was allowed to settle in the beakers before
centrifugation whereas the 2 h old precipitate was not.

2 1 2

to 173 m g'1

The decrease in surface area from 234 m“ g~
is due to some of the-amorphoué precipitate ageing to
Goethite and quantities of this c¢rystalline form were found
using the M8ssbauer and infra-red techniques described in
Sections 3.1.6 and 3.1.5 re;pectively. If the ageing
process reaches completion the surface area would be that

1, although this would

for Goethite, approximately 80 mz'g'
have taken many months at the temperature and iron con-
centration used..

The surface area changes on ageing for the Fe(II)
derived preqipitates are not as complex, and this is because
a crystalline oxyhydroxide is formed almost immediately.

The decrease in surface area over 120 h is probably due to
an increase in the crystallite size occurring either in
solution, or on collection., All three measurements and
especially those for the comparatively fresh material are
close to the surface areas of Lepidocrocite measured by
other workers.,

Further information on the precipitates is given by
the full adsorption isotherms, and the isotherms with
hysteresis loops, where present, are given for each

precipitate studied. The isotherms for the 2 h, 48 h and

288 h old precipitates are shown in Figures 3.1.3, 3.1.4
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Figure 3.1.3, B.E.T. adsorption isotherm for 2 h aged

amorphous iron oxyhydroxide.
- O - Adsorption points. A - Desorption
points,
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Figure 3.1.4. B.E.T. adsorption isotherm P

for 48 h aged amorphous iron oxyhydroxide.
O - Adsorption points. A - Desorption points.
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and 3.1.5 respectively and they are all of type IV
according to the classification of Biunauer, Deming,
Deming and Teller (B.D.D.T.) (201). All three solids are
porous as shown by fhe hysteresis loops which are type E
according to the De Boer classification (202), and this
type of hysteresis results from narrow necked wide
bodied pores commonly called "ink bottle" pores. An
indication of the pore size distributidn is given by the
closure at either end of the hysteresis loop, and this
information is given in Table 3.3 for Fe(III) and Fe(II)
derived precipitates; the latter will be discussed below.
The pore size range for the Fe(III) derived precipitates is
in the mesopore range, i.e. between micro and macro, and
the ‘changes in the size range may iridicate changes in the
structure of the oxyhydroxide. Thus the decrease in both
the upper and lower limits in ageing for 48 hours support
the hypothesis that some original structuré formed within-
2 h ageing is disrupted so that the pxecipitaté is more’
closely packed, -and pore spaces are smaller. As the
precipitate ages ‘the crystal structﬁre begins to form and
the upper limit is increased 4 or 5 fold as the precipitate
begomes more loosely packed,

Isotherms for the 48 h and 168 h old Fe(Il) derived
precipitates are shown in Figures 3.1.6 and 3.1.7 respec-
tively. The isotherm for the 2 h old precipitate was

identical to that shown in Figure 3.1.6 and is therefore
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Figure 3.1.5. B.E.T. adsorption isotherm

for 288 h aged amorphous iron oxyhydroxides.
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Figure 3.1.6. B.E.T. adsorption isotherm for :
48 h aged Lepidocrocite. O- Adsorption
points., A - Desorption points.

66.



Wt N, ads mg
| 9 FeOOH

160,

120

80

40

1l
O 02 04 06 08 10p
. PO
Figure 3.1.7. B.E.T. adsorption isotherm for 168 h
aged Lepidocrocite. O - Adsorption points,
A - Desorption points.
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not included. The isotherms are type 11 according to the
B.D.D.T. classification with a type D hysteresis loop using
De Boers classification. This type of hysteresis is
associated with either slit-shaped pores or the space
between parallel plates and the isotherm classification
means that there is no upper limit for the pore size,
Therefore the upper limit given in Table 3.3 is probably
low as the oxyhydroxide has a much more open structure
than the Fe(III) derived precipitates. The decrease in
surface area might occur in the lower pore sizes as the
hysteresis loop closed earlier for the aged material and
it is only the lack of sensitivity in measuring r which
does not show this.

Some of the natural oxyhydroxides were also investigated
and the results are given in Table 3.4, It was not
possible to collect sufficient precipitate from interstitial
waters for a measurement to be made but both a naturally
precipitated oxyhydroxide. and oxyhﬁdrokides precipitated
from natural waters rich in dissolved iron were used.

The Cadover Bridge precipitate produced an isotherm
very similar to that for the Fe(III) derived oxyhydroxide
(Figure 3.,1.8) but the surface area was slightly lower
than for the amorphous synthetic precipitates. The pore
size range was also closer to that for the more crystalline
oxyhydroxide yet no evidence of crystallinity was observed
by the other téchniques used to characterise the precipi-

tates., This apparent anomaly is probably due to organic
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Figure 3.1.8. B,E.T. adsorption isotherm P

for Cadover Bridge stream precipitate.
O - Adsorption points. A- Desorption points.
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Table 3.3 The pore size range of Fe(III) and

derived precipitates

Fe(II)

Precipitate Age Hysteresis Closure | Pore size
) range
(hours) Po r R
Fe(I1I) derived 2 0.45 - 0,80 20 - 50 .
Fe(III) derived 48 0.30 - 0.75 15 - 40
Fe(III) derived | 288 0.40 - 0,95 15 - 200
Fe(II) derived 48 0.45 - 0.95 20 - 200
Fe(II) derived 168 0.50 - 0.95 20 - 200
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Table 3.4 The adsorption isotherm data for

natural precipitates

Precipitate S.A. Isotherm Hysteresis Pore
n2 g'l type type size
B.D.D.T. De Boers range
r &
Cadover Bridge
stream
precipitate 141 IV E 15-200
Lady Bertha
Mine stream
precipitate 6.4 "II D 15-200+
Lady Bertha
Mine stream
sediment 164 11/1Iv None Non-
porous
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matter precipitated on and with the iron oxyhydroxide
and this has been shown to decrease the surface areés of
natural iron oxyhydroxides (41). This precipitate is
obtained from water containing a high concentration of
Fe(II) which was oxidised by bubbling air through the
solution increasing the pH, and as stated in the
experimental section the Fe(III) produced by this action
did not precipitate out until the ionic strength of the
solution had been increased., It is felt that the
stabilisation of the Fe(III) was due to dissolved organic
matter, and this may have been precipitated out together
with the iron when the ionic strength was adjusted. This
behaviour sﬁggests that if Fe(II) was to enter a natural
water containing organic material an amorphous iron oxy-
hydroxide would be precipitated rather than the
Lepidocrocite formed in the organic-free model solutions.
The two other natural precipitates examined both came
'from the Lady Bertha Mine stream and both.gave sufprising
results, This stream water is also rich in Fe(II)
(1.5 mg 1'1) and this readily precipitated from solution
if air was bubble& through for a few minutes, ‘When the
su?face area measurement was made hardly any uptake of N2
occurred, and the surface area is very low at 6.4 m2 g-l.
This suggests a very crystalline precipitate, and.the
adsorption isotherm and hysteresis loop (Figure 3.1.9) are
similar to those found for the Fe(II) derived Lepidocrocite,

However no crystalline structure is indicated by any of the
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Figure 3.1.9. B,.E,T. adsorption isotherm for Lady

Bertha Mine stream precipitate.
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points.
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other techniques used, and there is no explanation for
this unusual precipitate.

The isotherm for the Lady Bertha stream sediment is
shown in Figure 3.1.10, and this is the only non-porous
precipitate examined. Despite being non-porous it has a
surface area of 164 m2 g"1 which is the largest of the
areas found for the natural precipitates. The isotherm
shape does not fit neatly into any of the B.D.D.T.
classifications and it appears to be a hybrid of types
II and IV. Evidence of crystallinity is given in the
X-ray diffraction study as will be shown later, but it is
felt that this sediment is a mixture containing a high
percentage of iron but no single crystalline form., The
high surface area suggests that the sediment may be
important in the partitioning of dissolved constituents
in the mine stream and indeed high arsenic levels were
found in this sediment by X-ray fluorescence (Figure 3,1.11).
Arsenic is one of the metals comme;cially extracted from
Lady Bertha Mine and the stream drains some of the waste
tips which are‘still barren because of their arsenic
coﬁtent. The oxyhydroxide precipitated from the stream
water did not contain any arsenic measurable by X-ray
fluorescence (Figure 3.1.12) and this may indicate the
expected lack of activity due to its small surface area,
or that the uptake onto the sediment is a slow process;

The very large difference in surface areas. may indicate that
the precipitation that occurs naturally involves a different
mechanism to that employed in the laboratory, showing how

important the method of precipitate formation is to the
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precipitate character.

This surface area study has shown some of the
differences between the Fe(II) and Fe(III) derived
précipitates, and this will be useful in the phosphate
adsorption studies in explaining some of the behaviour
found. The comparison between synthetic and natural
precipitates indicated the complexity found in the natural
environment, but also proved that naturally occurring
iron precipitates can have large specific surface areas.
These measurements were made on precipitates removed fron
solution and care must be taken not to use the surface
areas found as absolute fiqures but to use them for
comparative purposes only. These simple measurements have
produced a considerable amount of detailed information on
the iron oxyhydroxides but identification of the synthetic
and natural precipitates cannot be made using this data
alone. In the following four sections a variety of
complementary techniques are used to identify the precipitates

3.1.2 Electron Microscopy

The electron microscope is a valuable tool used in the
study of surface chemistry, and its single most remarkable
attribute is its versatility (203). The variety of
techniques that has been developed for the electron micro-
scope such as electron diffraction, X-ray emission, extended
electron loss fine structure (EXELFS), and Z-contrast
images (atomic number maps), enable the elemental composition,
bonding and crystal structure of a sample to be determined.

In this study high resolution imaging using transmission
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electron microscopy (T.E.M.), one of the simpler techniqﬁes,
is used to examine the synthetic and natural iron oxy-
hydroxides. The electron micrographs show the morphology
of each precipitate and enable comparisons to be made
between precipitates of different origin. If an ordered
precipitate was observed an electron diffractogram was
taken to investigate the crystallinity but no clear patterns
were obtained so these have not been included. Therefore
scanning electron microscopy (S.E.M.) was used to
investigate the Fe(II) derived precipitate in an attempt

to elucidate the three dimensional and surface character-
istics of the apparently crystalline precipitate observed
by T.E.M. The S,E.M. has an added advantage that when
investigating natural precipitates the elemental composition
can be determined using an X-ray dispersive energy probe.
This facility was not available on the transmission
microscope. This proBe is vital when studying such
precipitates as it is one of the few ways of positively
identifying an amorphous ironiprecipitate as-viewed by the
electron microscope. This extra information is required

because of the large number of substances that can occur

: |
- ! . i -
observation alone. Care is also'necessary when observing

in natural precipitates which cannot be identified by

specific samples of a natural precipitate so that a
representative section is chosen whereas for a synthetic
sample only the substances mounted should be present, and
these must be investigated rather than the unusual or

scarce objects which are more probably due to
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contamination.
The following electron micrographs show at least two
views of each precipitate. The first is a general picture
to show a characteristic sample for each precipitate
followed by at least one, and where necessary, two or
three, views at higher magnification to indicate the
particle structure size and shape of each oxyhydroxide,
The precipitate derived from Fe(III) in seawater is
shown in Plates 3,1 and 3.2. These Fe(IIl) derived oxy-
hydroxides have the same morphology whether they are
precipitated in seawater or distilled water at high or low
pH values and the ageing of the precipitate only yields
a more compact oxyhydroxide with no additional structure
visible, The masses of compacted precipitate can be
large, 10-20 ym in length, but when dispersed ultrasonically,
or disrupted b? the heat generated by the lamp evaporating
off the solution from the grid, the-fundamental particles
are the same as for fresh precipitates; see Plate 3.2.
The fundamental particles that make up the amorphous oxy-
hydroxide appear to be small spheres ranging from 5-30 nm
in diameter. This type of oxyhydroxide is commonly found
as the product of Fe(III) precipitation (11-13) and the
size of the spheres will vary according to the concentrations
of iron and concentration and type of base used (13).
Generally the higher the initial concentration of iron the
larger the particles. Whether the base is added to an

Fe(IIIl) solution, or Fe(III) is added to an alkaline solution
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may also affect the particle size due to the possiEility
of localised concentration effects if the second method
is used. No crystallinity was observed in these
precipitates even after 6 month ageing periods, and this
may be due to the low concentration of iron used, or, that
storage at room temperature requires even longer ageing
periods before crystallinity can be observed by the
electron microscope. The precipitate is likely to be very
active, and have a large specific surface area because of
its amorphous nature and small particle size. A large
surface area was found as discussed in Section 3.1.1 above
and the adsorption activity will be investigated later.
The precipitate formed in seawater from F‘eCl2 is shown
in Plates 3.3 and 3,4 and it contrasts with the previous
amorphous oxyhydroxide, as crystalline regions are dominant.
The oxyhydroxide has an unusual morphqlogy which is most
clearly shown in Plate 3.4. The oxyhydroxide has fila-
mentous particles which appear to be produced by a folded
film randomly radiating from masses which are joined by
the filaments. At very high magnification (200,000x)
(Plate 3.5) the filaments stand out very clearly from what
appears to be amorphous material which cannot be resolved
even at this magnification, and there is no internal
structure of layers visible in the crystalline areas., The
degree of crystallinity did vary between precipitates but
this appeared to be independent of the media or the pH.

Age had little effect on the amount of crystalline material,
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and even very fresh precipitate contained a considerable
amount of the structured oxyhydroxide. Some of the Fe(II)
derived oxyhydroxides.were precipitated in the presence
of phosphate but this had no observable effect on the
morphology of the oxyhydroxide (Plates 3.6, 3.7 and 3.8).
The particle size has no real meaning for this precipitate,
but the length of filaments is measurable at between SQ nm
and 250 nm. In an attempt to obtain additional iﬁformation
on the morphology of these precipitates, and as a further
comparison with the Fe(III) derived oxyhydroxides,
scanning electron micrographs were taken, and these are
shown in Plate 3.9 for the Fe(III) and Piate 3.10 for
Fe(II) derived precipitates. Unfortunatély, no detailed
information could be extracted but there are visible
differences between the masses derived from different
sources, The larger masses shown in Plate 3,10 are
approximately 50 ym in length and some "grain" is apparent
whereas the masses for Fe(III) derived material shown in
Plate 3,9 are smaller at 10-20 uﬁ in length and have a
much smoother appéarance. Therefore it is likely that
the particles massed together are-éma;ler when derived
from Fe(III) rather than Fe(II}, but this is no more than
has been shown by the T.E.M.

The crystalline nature of this oxyhydroxide plus the
general larger size of the precipitate masses indicates a
smaller surface area than that for the Fe(III)derived material

and this was found to be so. The crystalline nature also
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commonest species in the sediment. These precipitate
particles are made up from spheres as is the Fe(III)
derived material, but their size is much larger, and the
spheres do not apﬁear to be made up from further units.

| The oxyhydroxides precipitated from stream waters are
all very similar, and some of the clearest photomicro-
graphs were obtained for the Carnon River precipitates,
Plates 3.17-3.19.‘ The precipitate again comprises of sph-
erical particles but these do not appear to be as dense
and are constructed of amorphous precipitate which could
not be resolved, The spheres are between 50 and 100 nm

in diameter and altﬁough no aqgeing study was carried out.
these may form similar particles to those observed for the
Lady. Bertha Mine stream. The general appearance is very
similar to that for the Fe(III) derived oxyhydroxide but
with larger, less compact particles; These precipitates
are expected to have large surface areas, and the possible
presence of dissolved organic matter coprecipitating with
the iron does not alter the form of the oxyhydroxide. For
the oxyhydroxides precipitated from interstitial waters
there does appear to be a change in the morphology of the
iron oxyhydroxide due to organic cecatings, and this is
shown in Plates 3.20 and 3.22. The particles are again
spherical but a film appears to join particles so that the
particle masses Are generally larger. This is the most
direct evidence of organic material interacting with the

iron oxyhydroxides, and this interaction is discussed with
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respect to changes in the surface areas and degree of
crystallinity.

As mentioned above, it is vital to identify the
particles that are examined under the electron microscope
and this has been done for the Cadover Bridge stream
sediment. No electron micrographs of this precipitate
have been shown as the. other precipitates gave clearer
electron micrographs of the typical particles found.
Figure 3.1.13 shows the X-ray dispersive energy spectrum
for one particle of the stream sediment, It clearly shows
the predominance of irxron in the sediment particle and with
small amounts of aluminium, silicon, phosphorus and
sulphur also present. These four elements are not unexpected
in a natural sample but some of the aluminium peak may be
due to back scattering from the stub that the sample was
mounted on. Figure 3.1.14 shows the spectrum for the
Fe(II) derived precipitate with the two peaks of the Fe K,
and Fe KB lines with a small peak for the aluminium, and
a very small peak for Cu, this latter ele@ent arising from
the sample holder which is made of brass.

The results of the electron microscopy clearly show
the differences in the two synthetic precipitates. and
enable predictions to be made about their expected behaviour.
In conjuncfion with the X-ray analysis of the S.E.M. the

natural precipitates are identified and again predictive

behavioural information is possible.
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Figure 3,1.13, X-ray dispersive energy microprobe analysis of Cadover Bridge stream sediment,
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Figure 3.1.14, X-ray dispersive energy microprobe analysis of Fe(II) derived iron
. oxyhydroxide (Lepidocrocite),




3.1.3 X-ray Diffraction

Powder X-ray diffraction is a non-destructive technique
used to identify crystalline powdexs when milligramme
quantities are available, The majority of X-ray diffracto-
grams are measured using a Cu Ka source with a wavelength
of 1.542 R, but when studying iron oxyhydroxides a shorter
wavelength radiation is required and in this study a Mo K&
source with a wavelength of 0.710 8 is used. The tables
used to calculate d spacings from the 8° values are
calibrated with respect to Cu Ka;therefore‘it is necessary
to convert the values obtained from the tables for the’

Mo Ku wavelength radiation. The d spacings are calculated

using the Bragg equation

A“ L B I J L J 3‘1
d=251n9 Eq. ( )

Therefore the conversion must be:

d (Cu K ).0.710 _

d (Mo K )
1.542 a

d (Mo K ) = 0.46 d (Cu K )
a o

It is an easy matter then to look up the d (Cu Ka)
value corresponding to the angle at which a peak occurs
on the diffractogram and calculate the d spacing for
Mo K ,. These are then compared to d spacings of various
iron oxyhydroxides given in the A.S.T.M. card file until
a good fit is found, The diffractograms for the synthetic
and naturalloxyhydroxides are shown in the figures

following, and the data for each precipitate is tabulated
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and compared with the data for the oxyhydroxide of "best
fit" extracted from the A.S.T.M. card.

The first diffractogram (Figure 3.1.15) is for aged
Fe(II) derived oxyhydroxide compared with Lepidocrocite
and it has 6 distinct peaks which correspond to peaks
in the spectrum for Lepidocrocite. The d spacings for
these .peaks have been calculated, and are listed in
Table 3.5 alongside the d spacings for Lepidocrocite.
There is very gbod agreement between the values but the
most intense peak in the standard is missing from the
sample. This is because the diffraction occurs at an
angle less than 4° and the diffractogram was started
at 4° to avoid straight through radiation effects.,

The diffractogram for Fe(IIl) derived oxyhydroxide is
shown in Figure 3.1.16 and this does not have any strong
distinct peaks but has two very broad bands indicating
amorphous material. There are peaks that appear above
the background noise and these have been analysed and are
shown in Table 3.6. There is moderate agreement, but
some of the most intense d spacings are not present, and
some of the peaks analysed give d spacings that do not
‘correspond to those in the standard, This identification
is not as definite as that for the Fe(II) derived oxy-
hydroxide and it is more realistic to use the lack of
distinct peaks as an indication of amorphous iron oxyhydroxide
rather than to use the very weak peaks as a clear indication

of Goethite.

100.



10T

A i 'l

-

g 20 16 12 8

Figure 3,1.15, X-ray diffractograms for aged Fe(II) derived iron oxyhydroxide (lower trace)

and a synthetic crystalline Lepidocrocite (upper trace).



Table 3.5 Comparison of d spacings for Fe(Il)

derived precipitates with Lepidocrocite

6° d (Cuk,) |d(MoK) |d R () | Intensity
R Q I/Io
%
6.26 100
6.325 6.98 3.21 3.29 90
8.35 5.29 2.44 2,47 80
10.70 4.14 1.91 1.94 70
1.73 40
13.625 3.63 1.50 1.52 40
14.40 2.99 1.37 1.37 30
17.35 2.58 1.19 1.19 20
1.07 40

(a) Taken from A.S.T.M. card file 8-98 for

Lepidocrocite
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Figure 3,1,16, X-ray diffractogram for aged Fe(III) derived iron oxyhydroxide.



Table 3.6 Comparison of d spacings for Fe(III) derived
precipitate with Goethite

6° d (Cu K ) d (Mo K ) d R (a) Intensity
a a I/I
(]
%
4.97 60
4.18 100
6.60 6.689 (3.080) 3.36 60
7.00 6.308 (2.904) 2.69 70
7.90 5.593 2,575 2.58 55
8.10 5.456 | 2.51 2.48 40
: 2.44 80
9.20 4,808 2.214 2.25 60
9.50 4,657 2.144 2.18 60
9.8 4,516 2,079 2,01 20
10.0 4.427 2.04. . 1.92 40
10,2 4,341 1.999 1.80 50
11.7 3.797 1.748 1.77 30
11.90 3.728 ' 1.716 1.72 70
12,00 3,697 1,702 1.69 - 50
1.66 40
1.60 50
13.10 3,392 1.562 1.56 65
13,55 3.281 1.511 " 1,51 60
13.80 3,223 (1.484) 1.46 40
1.45 60

(a) Taken from A.S.T.M. card file 3,0249

for Goethite
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The analysis for the Fe(IIl) derived oxyhydroxide
highlights the difficulties in using X-ray diffraction
on amorphous or poorly crystalline precipitates, and these
problems are even worse when the natural precipitates are
examined. Only the diffractogram for the Lady Bertha Miﬁe
stream sediment contains peaks of sufficient intensity to
enable d spacings to ﬁe calculated (Figure 3.1.17). The
other natural oxyhydroxides precipitated from the Cadover
Bridge and Lady Bertha Mine stream waters give similar
diffractograms to that for Fe(IIIl) derived oxyhydroxide
and are not analysed (Figures 3.1.18 and 3.1.19). The
problem in the analysis for the sediment is shown in
Table 3.7 which compares the d spacings for the natural
precipitate with those for Goethite (g-FeOOH) and
Lepidocrocite (y-FeOCH). The diffractogram for y-FeOOH
is also shown in Figure 3.1.17 to show the similarity in
the diffractograms that initially were thought to indicate
Lepidocrocite. However agreement is found for 4 spacings
of both g ~-FeOOH and y=FeOOH and this obviously makes
identification difficult. Traces of both these crystalline
forms may be present, but MBssbauer spectroscopy does not
indicate the presence of Goethite, and infra-red spectro-
scopy gives a spectrum indicating an amorphous precipitate..
There is also the strong possibility that the sediment
contains crystalline forms which do not contain iron
and some of the d spacings obtained from the diffractogram

do not correspond to d spacings for any iron phase.
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Figure 3.1.17, X-ray diffractograms for Lady Bertha Mine stream sediment (lower trace)} and

a synthetic crystalline Lepidocrocite (upper trace).
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Figure 3.1.18, X-ray diffractogram for Cadover Bridge stream precipitate.
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Figure 3.1.19, X-ray diffractogram for Lady Bertha Mine stream precipitate.



Table 3.7 Comparison of d spacings for Lady Bertha

Mine stream sediment with Lepidocrocite

and Goethite

(a)

(b)

y=FeOCH Lady Bertha Mine o -FeOOH
Sediment

/1, d o4 4R 4° 48 a ! /1,
4.97 | 60

100 | 6.26 4.18 | 100
90 3.29 3.28 | 6,20 | 3.28 3.36 | 60
2.79 | 7.30 | 2.79 2.69 | 70

80 2.47 2.55 | 8.0 |2.55. 2,58 | 55
2.48 | 40

2.44 | 80

30 2.34 2.29 | 8.90 | 2.29 2.25 | 60
2.21 | 9.25 | 2.21 2,18 | 60

2.13 | 9.6 |2.13 2,01} 20

2.00 [10.2 |2.00 1.92 | 40

70 1.94 1.96 [10.4 |1,96 1.80 | s0
40 1.73 1.795(11.4 | 1.795 1.77 | 30
1.72 | 70

1.68 [12.15 | 1.68 1.69 | 50

1.65 {12.40 | 1.65 1.66 | 40

1.60 | 50

1.56 | 65

40 1.52 1.515(13.65 [ 1.515 1.51 | 60
1.46 40

1.45 | 60

30 1.37 1.375(|15.0 | 1.375 1.37

(b) Taken from A.S.T.M. card file 3,-0249
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Therefore from X=-ray diffraction data this iron rich
sediment consists of a small amount of Goethite and
Lepidocrocite with amorphous iron oxyhydroxides predominant
and possibly other unidentified crystalline substances.

The oxyhydroxides precipitated from the mine streams
are amorphous to X-rays and it is not possible to identify
the precipitates using X-ray diffraction., However,-the
diffractogramsshown in Figures 3.1.18 and 3.1.19 are very
similar to the diffractogram for the Fe(IIIl) derived
precipitate showing that in natural waters containing
Fe(II) an amorphous oxyhydroxide is precipitated iﬁitially
;n preference to Lepidocrocite which is formed in the
chemically simpler model solutions.

X=-ray diffraction is most useful when a well cry%tallised
single component is present and then the identification .
is authoritative. However when amorphous and/or mixed
phases are present the analysis is not as helpful and other
techniques must be used either in conjunction with or
instead of X-ray diffraction.

3,1.4 MbBssbauer Sgectroscogxl

Only a few elements are M¥ssbauer active and this

nuclear spectroscopic technique gives information on the

oxidation state and chemical environment of the nucleus

under examination (204), Iron was the first, and is the

most common element to be studied using this method and it
is hoped that the information obtained from this technique

will aid the identification of the synthetic and natural
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iron oxyhydroxides formed in this study. One limitation
encountered with this method arises from all the oxy-

hydroxides containing Fe(III). The symmetry of the d5

3+ can make separation of different

electron shell of ﬁe
compounds difficult (205), especially when the.chemical
environment of the iron nucleus is similar as is the
case for oxyhydroxides. Consequently all the chemical
or isomer shift () values are very similar at approximately
0.4 mm s-l and the errors on this measurement make any
differences found meaﬁingless. As there Are only 3 or 4
oxyhydroxides that are likely to be formed given the
experimental conditipns used, this limitation is not
serious. Both the quadropole splitting (4) and the behaviour .
in an applied magnetic field of amoxphous iron oxyhydroxide,
Goethite (y~-FeOOH), Akaganite (g-FeOOH) and Lepidocrocite
(y -FeOCH} are sufficiently different, as shown in Table
3.8 for positive identification to be made in most cases.
Lepidocrocite is perﬁaps-the-most difficult to positively
identify as liquid helium tembera£ures (4K) are required
for magnetic hyperfine splitting to occur, and this
facility was not available. The data extracted from the
spectra of synthetic and n#tural precipitates is also
given in Table 3,8 and each precipitate will be discussed
in turn.

Figures 3.1.20 and 3.1.21 show the spectra for a
freshly precipitated Fe(III) derived oxyhydroxide at 293K

and 77K respectively. Both spectra consist of doublets
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Table 3.8 Summary of MUssbauer data between crystalline Fe(III) oxyhydroxides

and natural and synthetic precipitates

Behaviour
293K 77K

Precipitate Oxide - | State § 1 A Magnetic State § -1 Ay Magnetic

mm s mm s field mm S mm S field

T T

0.06 3.7 0.06 4.3
Akaganite(a) g~FeOCH P 0.43+ 0,62+ 0 a.f. - - 46,61+

0.06 0,06 ) 4,9
Lepido- y-FeOOH P 0.48: 0.54;+ 0 P 0.62; 0.62: 0
crocite (a) . 0.06 0.06 0.06 0.06
Ferri- § =FeOOH p - - - a.f? 0.45: 010,11 53,3+
hydrite (a) 0.11 5.1
Amorphous F‘g(OH)3 p 0,50+ 0.72+ o o} 0.62¢ 0.81:+ o
gel (b) 0.01 0.03 0.01 0.03
Fresh Fe(III) Fe(OH)3 P 6.321 0.68+ o] p 0,40+ 0,68+ 0
derived 0.1 0,08 0.1 0.05
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Table 3.8.— continued

Behaviour

293K 77K

Precipitate Oxide |State 8 A Magnetic State ) s Magnetic
-1 - X > -1 -1 )
mm s mm s field mm s mm s field
T T

Aged Fe(XII) Fe(OH)3 p 0.40+ 0.604+ (0] a.f, 0.48%+ 0,64t 48.6
derived /a—FeOOH 0.1 0.05 .1 0.05
Fresh Fe(Il) |y~-FeOOH - - - - P 0.36¢ 0.54% 0
derived 0.1 0,05
Aged Fe(II) y-FeOOH - - - - p 0.40¢ 0.56¢ 0
derived 0.1 0.05
Lady Bertha 0.44: 0.74: o
Mine - - - - P 0.1  0.05
Lady Bertha 0.46+ 0.76+ o
Mine - - - - s) o ‘e
sediment 0.1 0.05
Cadover p 0.44 0.70 o - - - -
stream 0.1 0.05
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Table 3,8 - continued

Behaviour
293K T7K
Precipitate Oxide State ) -1 A -1 Magnetic State 8 -1 A Magnetic
. mm s mm S field mm s mm s field

T T
Cadover
stream p 0.44+ 0,.76% o] P 0,321 0,72+t 0
sediment 0.1 0.05 0.1 0.05

(a) Data taken from Rossiter and Hodgson (206)
(b} Data taken from Coey and Readman (207)

Abbreviations §
A
P

a.f.

Isomer Shift
Quadropole Splitting
Paramagnetic

Antiferromagnetic



‘ST

¢30qpts
x10°

1.,6a0at

|,20007

.500@ 17

*
ot b ' b ' "+
! Y b, b "
TR AR n" AT RO UTAR .

[
+ o . . \ R
I PR I LA TP wh too ] + ' bt N IO T oy .
LA Mt W M, TR .;..,tuh..!.u ottt et TR R U TR LT LA TS ‘|

'l n N

-6.0

Figure 3.1.20, M8ssbauer spectrum
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of freshly precipitated Fe(III) derived iron oxyhydroxide at 293K.
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of freshly precipitated Fe(III) derived iron okyhydroxide at 77K.



with an isomer shift of approximately 0.4 mm s.'l which

3+ nucleus. The absence of hyper-

is expected for the Fe
fine‘splitting at 77K means that g-FeOOH, g-FeOOH and
§=FeOOH can be discounted and as this precipitate is

known to be X-ray amorphous the identification can be
taken no further,

'Figures 3.1.22 and 3.,1.23 are for a similarly derived
precipitate which has been aged in solution, and although
the spectrum at 293K is almost identical to Figures 3.1.20
and 3.1.21 when the temperature is decreased to 77K
hyperfine splitting can be seen, and a magnetic field of
48,.6T is measured. This spectrum has a complicated
structure with the peaks collapsing towards the centre
probably because of the small particle size. The
variation in the peak heights is also due to the small
particle size, and also‘because it is a mixed oxyhydroxide
containing up to 30% Goethite with the remainder being.
amorphous Fe(II;) gel. The baseline for the spéctrum
measured at 293K is much more scattered than those in
Figures 3.1.20 and 3,1.21 and this is almost certainly due
to the Goethite which is antiferromagnetic at room
temperature and would therefore give hyperfine splitting.

The spectra for Fe(II) derived precipitates are very
similar, and only those measured at 77K are shown. Figure
3.1.24 is for a fresh precipitate, and Figure 3.1.25 for
an aged precipitate. Both are doublets with 8 values at

§0.4 mm 5-1 indicating that they are Fe(III) oxyhydroxides.
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The spectra show no signs of hyperfine splitting, and
therefqre are either amorphous iron oxyhydroxides or
Lepidocrocite. From infra-red and X-ray diffraction data,
the latter is identified and so the M8ssbauer data does

not contradict this identification. The spectra for Fe(II)
derived oxygydroxides are different from those for Fe(III)
derived oxyhydroxides as the quadropole splitting (a) values
for Fe(II) derived precipitates are 0,54-0.56 mm s™! com-
pared with 0.64-0.68 mm s~ ! for Fe(III) derived precipitates.
These figures are lower than those for pure Goethite or
Lepidocrocite because of the small particle size.

The natural iron rich precipitates all gave spectra
indicating the presence of Fe(III) and only the spectrum
for the Cadover Bridge stream sediment is unusual (Figure
3.1.26). This spectrum, taken at 77K, is not a doublet
and is very difficult to interpret. When a spectrum was
measured using less of the sediment a doublet was formed
(Figure 3,1.27) and it is thought that organic compounds
may be masking the iron oxyhydroxide spectrum in some way
(208). This is an unusual result, and probably warrants
further investigation, but this could not be done in this
sfudy. The Cadover Bridge stream precipitate gavé-the
more normal spectrum (Figure 3.1.28) and this is almost
certainly an amorphous sample with the A values atqy 0.7 mm
ﬁ-l being closer to the synthetic Fe(III) derived precip-
itates: rather than the Fe(1I) derived. This again is

supportive evidence for the findings of the infra-red and
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X=ray diffraction methods,

An identical picture is obtained for the Lady Bertha
Mine stream sediment (Figure 3.1.29) and precipitate
(Figure 3.,1.30) with an amorphous Fe(III) oxyhydroxide
indicated. The A values are slightly higher at 0.76 and
0.74 mm s'l respectively and this probably indicates a
larger particle size, but with no Goethite formation
apparent in the sediment. One advantage the MYssbauer
spectroscopy has over X-ray diffraction of the sédiments
is that M8ssbauer will only give thé spectrum for the
iron compounds whereas the X-ray diffraction will_respond
io any crystalline phases, such as quartz, making the
diffractogram much more difficult to interpret.

Although M8ssbauer spectroscopy did not identify the
natural precipitates all the information is supporéive
of that obtained by other methods. The mosf important
fact to arise from the data on the synthetic precipitates
is the quantitative value given for Goethite in the aéed
Fe(III) derived oxyhydroxide. This precipitate is X-ray
amorphous, but in conjunction with the infra-red data the
percentage content of Goethite can be given to within a
few percent as will be seen in Section 3.l1l.5 below,

3.1.5 Infra-red Spectroscopy

Infra-red spectroscopy is a useful technique for

identifying oxyhydroxides especially if only small
quantities are available as a spectrum can be obtained

from 1 or 2 mg of sample quite easily. The technique has
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advantages over X-ray diffraction when the oxyhydroxides
are not particularly crystalline and X-ray diffractograms
can be ambiguous and indistinct. 7The Fe-0 bonds in an
oxyhydroxide are I.R. sensitive and by comparing spectra
of the unknown samples with well defined oxyhydroxides it
is possible to obtain a positive identification (56).
Further information can be extracted as to the degree of
crystallinity from the intensity of certain peaks, and
this has been used in the case of the aged Fe(III) derived
oxyhydroxide. Infra-red spectra were measured for the
synthetic precipitates and the Lady Bertha Mine stream
sediment and precipitate as well as the Cadover stream
precipitate. Spectra for q-FeOOH ( Goethite) and y-FeOOH
(Lepidocrocite) were also measured, and used to compare
with the synthetic precipitates. Only a section of the
spectrum is shown as all the bands of interest fell
between 1400 cm~ 1 and 400 em™l.

Figure 3.1.31 is a comparison between the spectra of
a-FeOOH and the aged Fe(III) derived oxyhydroxide. The

relevant bands for a-FeQOOH are at 890 cm-l, 795 cm-l and

1

650 cm = and these 3 bands can quite clearly be seen on the

lower trace, The Fe(III) derived precipitate is not as

1

clear but there are 2 very weak bands at 890 cm =~ and

1

795 cm - and these can be used in the identification of

this precipitate. The spectra for the aged and fresh
Fe(III) derived precipitates are shown in Figure 3,1.32

1

and the bands at 890 c¢m - and 795 cm~t only occur for the
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aged precipitate. From this information an estimate of
the percentage content of Goethite in the aged precipitate
can be made if a comparison is made with the results
shown in Figure 10 of Landa and Gast (20). By simple
inspection of the variation in the band intensity in
Figures 3.1.31 and 3,1.32 a value of 10-20% Goethite
can be estimated. Therefore this precipitate is initially
totally amorphous but as it ages Goethite is formed and
the I.R. spectroscopy measures this in a semiquantitative
way. The percentage given agrees with the results from
the MUssbauer spectroscopy which indicated less than
30% crystalline Goethite in the aged precipitate.

Figure 3.1.33 compares well crystalline Lepidocrocite
with the aged Fe(Il) derived precipitate and the two bands

at 1020 cm~?!

and 750 cm-1 are obviously congruent and the
' synthetic precipitate is Lepidocrocite (y-FeOOH). Con=-
sidering the disordered nature of this precipitate when
viewed under the electron microécope, the need for liquid
helium temperature for Mdssbauer spectroscopy, and the
careful analysis required for X-ray diffraction because of
the similarities in iron oxyhydroxide diffractograms
the infra-red spectrum is the easiest and clearest method
used in positively identifying Lepidocrocite.

When the spectra for the natural precipitateé are
examiﬁed no peaks are visible, and the spectra for Lady

Bertha Mine stream sediment (Figure 3.1.34) Lady Bertha

Mine streéeam precipitate (Figure 3,1.35) and Cadover Bridge
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stream precipitate (Figure 3.1,36) all indicate amorphous

iron oxyhydroxides. The spectra are almost featureless

and no indication of organic molecules is visible although

both humic acids and other organic molecules might have

been expected to occur in the precipitates. There may be

insufficient organic matter in the very small samples

used to give a peak and the way in which the spectra of

organic molecules is affected by iron oxyhydroxides is

not known (208). All 3 natural spectra. are different and

do not coincide with that for the synthetic iron oxyhydroxide

~showing the variations that can occur in I.R. spectra of

amorphous precipitates which make characterisation difficult.
Infra-red spectroscopy proved to be very useful in

identifying the crystalline and partially crystalline oxXy-

hydroxides but gave very little information on the

amorphous synthetic and natural precipitates.

3.1.6 Summary of Characterisation of Precipitates

The characterisation of all the precipitates will be

summarised by a simple listing for each precipitate
examined.

(a) The fresh Fe(III) derived precipitate is an amorphous
Fe(III) oxyhydroxide with a large specific surface area of
234 m° g'l. It is constructed of small 5-10 nm spheres
which are massed together to give a porous precipitate,

(b) The aged Fe(IIl) derived precipitate is a mixture of
amorphous Fe(III) oxyhydroxide and Goethite (a-FeOOH). It

contains between 10 and 20% Goethite and has a surface area
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2 1

of 159 m“ g . The crystallinity cannot be observed by
electron microscopy or X-ray diffraction, but is indicated
by infra-red and MYssbauer spectroscopy and supperted by
the changes in pore size distribution from the surface
area measurements.

(¢) The fresh and aged Fe(II) derived precipitates are
poorly crystalline Lepidocrocite (y-FeOOH) with surface

2 g'l. The degree of

areas between 100 and 120 m
crystallinity does not vary with age nor conditions of
preparation but changes in the matrix could occur due to
Lepidocrocite being an unstable phase relative to

amorphous Fe(III) oxyhydroxide and Coethite, The porosity
in the sample'is due almost entirely to its crystallinity,
and its appearance is of a folded film or bent laths with
a small particle size.

(d) The Lady Bertha Mine stream sediment is an iron rich
precipitate containing amorphous Fe(III) oxyhydroxide which
may be as coatings on other components as there is no
porosity despite a surface area of 164 m2 g'l. The
sediment contains a measurabie amount of arsenic and may
well consist of other mineral phases, but these were not
investigafed. The iron oxyhydroxide is derived from

Fe(II) but no crystalline ifon compounds are found and
perhaps ageing of the amorphous oxyhydroxide is hindered
by organic compounds.

(e) The Lady Bertha Mine stream precipitate is an amorphous
Fe(IIl) oxyhydroxide which has a very low surface area of

6 me g-l. This is a more pure Fe(III) oxyhydroxide than

the sediment and is also derived from Fe(II) but why it
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has such a low surface area cannot be explained., Organic
coatings may be present, and these have been found to
reduce the surface area of iron oxyhydioxides but it is:
doubtful whether such a dramatic decrease could occur.
(£) The Cadover Bridge stream sediment is an Fe(III)

rich precipitate possibly containing substantial amounts
of precipitated organic matter.,

(g9) The Cadover:-Bridge stream precipitate is similar to
the sediment but has been more extensively studied, It.

has a surface area of 140 m2 g"'l

and ié an amorphous
g Fe(III) oxyhydroxide. No evidence of crystallinity was
found although the pore size distribution is similar to
that for aged Fe(III) derived oxyhydroxide. The slightly
" ‘JTower surface area than the synthetic oxyhydroxides may
be due to organic coatings.
(h) Both the Carnon River precipitate and the interstitial
water précipitates.were only examined by electron micro-
SCOpY. Ihe.precipitates from both soﬁrces appeared to be
mixtures of amorphous iron oxyhydroxide and organid matter.
The iron was in the Fe(III) state and no crystallinity was
observed despite the fact that these were formed from
waters containing Fe(II).

Using this comprehensive suite of techniques the
synthetic iron oxyhydroxides have been carefully and
thoroughly identified, No single technique can be used to

identify these precipitates completely and there is no

conflicting evidence between the techniques used. The pre-
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cipitation from natural waters both in the laboratory
and in sediment formation points to the possible
involvement of organic matter which appears to restrict
crystal formation. All natural waters chosen contained
Fe(II) but no precipitates similar to the Lepidocrocite
formed from the model solutions could be found.

The formation of oxyhydroxides from Fe(III) and
Fe(II) under simulated ﬁatural conditions will be examined
in the following section. These studies are made in
solutions free from dissolved organic matter and this is
a simplification of the system that may decrease the
direct relevance to the natural system but is felt necessary

for a reproducible model to be developed.
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3.2 Precipitate Formation

3.2.1 Nephelometry

In Section 3.1 two different iron oxyhydroxides
resulting from the precipitation of Fe(II) and Fe(III)
were identified., Following on from this the formation
of these precipitates under varying conditions of pH
and ionic strength was investigated. A nephelometric
technique was used to examine the changes in light
scattering, at 90° to an incident beam, resulting from
the formation of microscopic iron oxyhydroxide pérticles
in various aqueous media. These results provided
information on relative rates and mechanisms for the
transformations from-dissolved to solid phase. Problems
in calibrating the nephelometer meant that only semi-
quantitative analysis and generalised mechanisms were
extracted from the data. However, these were very useful
in themselves and also proved to be a reasonable guide
in evaluating the interactions of the freshly forming
iron oxyhydroxides with phosphate, as will be shown
later.

The raw nephelometric data consists of plot% of
relative intensity of scattered light (R.I.) and pH as
a function of time, see Figure 3.2,1. The general form
of an R.I. curve can be split into three parts:

(a) the initial rise in R.I. due to colloid formation
resulting from the hydrolysis and polymerisation

of Fe(IIl);

(b) a plateau region where the amount of colloid in
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suspension remains constant;
(c) a decrease in R.I. as the colloid is destabilised

and flocculates. This causes an increase in size
but decrease in number of particles, both factors
producing a decrease in the amount of scattered light.
Part (a) of the curve is thought to be due to Rayleigh
scattering which produces a symmetrical angular scattering
distribution. However, as the radius of the scattering
particle becomes comparable with the wavelength of the
radiation, i.e, approximately 360 nm, the scattering
is no longer =k-4 Rayleigh scattering. When the particle
is in the size range O.1 1 < r ¢ 25\ the scattering is
no longer symmetrical with respect to the perpendicular
to the direction of the incident beam and the amount of
forward scattering increases, which may account for
part (c) of the curve. The light scattering produced
by the suspensions used in this study may be further
complicated by other factors such as particle shape
(see Plate 3.4), size distribution, concentration and
other physical and optical anisotropies.

The magnitude and exact shape for each of the three
sections is dependent on pH, ionic strength and the
initial oxidation state of the iron. The changes in
R.I. arise from two reactions, one of colloid formation
and the other of colloid flocculation which may occur
concurrently or consecutively., Colloid formation and

flocculation occur at the same time in seawater because
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of the destabilising effect of anions on the iron
colloid, especially doubly charged species such as
sulphate (209). This gives an R.I. curve with no visible
plateau, and-because the colloidal particles are floc-
culated as they form the total increase in R.I. is

less than for a comparable reaction in distilled water,
In the distilled water case the iron first forms
colloidal particles which are quasi-stable and which

only slowly flocculate.

This descriptive analysis of the néphelometric data
is of little value either for comparing the numerous
model traces obtained, or for predicting the behaviour
of natural systems. In the analysis of these curves
the initial rise in R.I. is considered to be the most
important section of the data because it represents
the appearance of an active surface, and by using the
concept of a rise time this can be expressed numerically.
The rise time is defined as the time taken for 10%
to 90% of the equilibrium value of the initial rise in
R.I. to be attained and the method of calculation is
shown in Figure 3.2.2. This gives a single numerical
value for each curve which can be used in comparisons
and it also removes any errors due to inaccuracies in
measuring the total increase in R.I. where long plateaux
occur, The variations found iﬁ rise times with pH® and/or
salinity are described in the following sections for
Fe(I1I) and Fe(II) derived brecipitates.
3a11 pH values quoted best represent the pH at which the

reactions are occurring and unless otherwise stated are
not more than 0.5 pH units below the initial pH.
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3.2.2 Fe(III)ﬁerived Precipitates

The precipitation of an iron oxyhydroxide derived
from Fe(III} can be hypothesised as a sequence of
reactions as shown in Equation (3.2):-

Fe(III)(ag) =— Fe(OH) —_—
Hydrolysis Polymerisation

Fex(OH) e FeOOH (ppt)

y(colloid) Flocculation

«++ Egq. (3.2)
This is a simplified system as both the hydrolysis and
polymerisation stages are complex reactions which have
received detailed investigation as shown in Cﬁapter 1.
In this study the nephelometer is monitoring the colleid
formation and flocculation and consequently only
inferences on these reactions can be made directly from
the data.

The rise times for Fe(III) derived precipitates formed
in distilled water, NaCl solutions, brackish waters, sea-
water and natural fresh waters are displayed in Table 3.9.
The data indicates the variations in rise time with pH
and the duration of the plateau sections is also listed
where they occur. This latter parameter is difficult to
measure accurately and it is easier to defiqe when a
plateau is not present than to measure the short term
stability of the colloid system. 1In distilled water the
rise times are constant at approximately 2.2 seconds for

pH values between 6.2 ¢ pH ¢ 8.1 and there is a slight

increase in the duration of plateaux as the pH increases.
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Table 3.9 Summary of nephelometric data for Fe(III)

(5 x 10°°M Fe>*) colloid formation and
flocculation.
MEDIA IONIC SALINITY pH RISE DURATION
STRENGTH | () TIME  |OF PLATEAU
o
(M) (secs) (secs)
Dis-
tilled
water(a) 0 0] 4,3 No pre- -
cipita-
tion
0 o 5.1 No pre- -
cipita-~
tion
0 0 5.9 No pre- -
cipita-
_ tion
o) o 5.9 B(b) -
] 0 6.0 6.0 0]
0 o 6.2 2,0 10
0 o) 6.2 2.4 10
0 0 6.4 2.6 10
0 o . 1.8 15
0 0 6,7 2.6 10
0] 0 7.1 2.0 10
0 0 7.8 2.0 40
o) 0] 7.8 2.4 -
0 0] 8.1 2,2 35
NaCl
Solu- 0,01 0 5.0 3.2 10
tions 0.01 0 9.6 | 3.0 0
0,05 o 5.0 3.0 5
0.05 0] 8.6 4,6 0
0.10 0 4,0 5.0 20
0.10 0 4,9 2.8 100
0.10 0 5.1 3.5 5
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Table 3.9 - continued

148.

MEDIA | IONIC SALINITY pH | RISE | puraTION
STRENGTH | (Z.) TIME | OF PLATEAU

(M) oo (secs) (secs)

NaCl

Solu- 0.10 0 5.2 3.5 5

tions 0.10 0 5.8 | 3.0 o
0.10 0 6.0 | 3.2 0
0.10 0 6.2 3.0 20
0.10 0 8.0 3.0 0
0.10 0 8.0 | 4.0 0
0.10 0 8.2 | 3.0 5
0.10 0 8.8 3.0 o
0.10 ) 9.0 | 2.8 10
1.00 0 5.0 | 3.a 0
1.00 0 5.2 3.9 10
1,00 o 8.0 2,6 0

Sea-

water

Solu- 0.007 | 0.34 4,0 |e&0.0 0

tions 0.007 | 0.34 7.8 | 2.5 0
0.007 | 0.34 9.9 2.6 8
0,007 | 0.34 9.9 2.8 8
0.007 | 0.34 10.0 3,9 o)
0.017 | o.85 6.9 3,2 15
0.017 | 0.85 7.2 4.4 20
0.017 | o.8s 7.5 2,8 20
0.034 | 1.70 9.4 2.2 o)
0.034 | 1.70 10.0 | 2.2 )
0.085 | 4.25 6.5 2.6 8
0.085 | 4.25 6.6 2.8 10
0.085 | 4.25 7.0 3.2 12
0.085 | 4.25 7.2 3.0 15
0.085 | 4.25 7.6 2.7 10
0.34 17.0 7.2 2.3 5




Table 3.9 - continued

MEDIA |IONIC SALINITY pH RISE DURATION
STRENGTH ( ) TIME OF PLATEAU

(M) © (secs) (secs)

Sea-

water

Solu-.

tions 0,68 34.0 6.6 1.9 12
0.68 34.0 6.9 2.3 0
0.68 34.0 7.4 2.4 0
0.68 34,0 7.4 2.0 0
0.68 34,0 7.4 2.4 o
0.68 34,0 7.6 2.5 0
0.68 34.0 8.0 2,2 0
0.68 34.0 8,0 2.6 0

Natural

Fresh

waters 0 (0] 7.5 3.0 10

with 0 0 7.8 3.4 30

added

F23+(C)

Iron-

rich 0] 0 7.0 6.0 . 830

natural 0 0 8.0 3.5 120

waters(d) o 0 8.1 3.0 100

' 0.017 0.85 6.0 2.8 0

(a) The distilled water contained a 2 mM NaHC03 buffer,

(b) Approximate rise time due to noisy output.

() riltered River Plym water with 5 x 10 °M Fe>' added.

(d)

Cadover Bridge mine stream water containing 4.5 x

10-5M Fe (total iron), pH on collection 5.4.
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The rise times at pH = 5.9 and pH = 6.0 have increased to
approximately 6-8 seconds, with the rise time at pH = 5.9
not as precise as the others because of air bubbles .
disturbing the trace towards the end of the initial rise
in relative intemnsity. At pH ¢ 5.1 there is no increase in
the light scattering indicating the non-appearance of the
colloid. With a total Fe concentration of 5 x 10'5M and
PH ¢« 5 this is possible, since, while hydrolysis may occur
the solubility of arn--F‘e(OH)3 is only just exceeded (31)

and with only a very low ionic strength (2 mM NaHCOB) it
is possible that the Fex(OH)y colloid is not formed. The
second result at pH = 5,9 is more difficult to explain as
am-Fe(OH)3 should be precipitated but this may be an
unrepresentative result. The rise times are just

starting to increase at pH = 6.0 so the border between
colloid formation and stability of dissolved phases has
almost been reached and contamination of the system may
have produced this odd result. The stability of the
colloid before flocculation occurs appears to be slightly
greater at the higher pH's. This shows that even in
distilled water the colloid is a transient phase in the
development of the precipitate, with the total time for
the rise and plateau being in the range 12-40 s. Sub-
sequently the particle size increases through polymerisa-
tion processes and the flocculated particles give less
scattered light.

The rise times in NaCl solutions vary from 2,6 to 5.0
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seconds and do not show a clear trend in the PH range
4.0¢ pH < 9.0. These solutions did not contain a pH
buffer, consequently pH control was poor with changes of
more than 1 pH unit occurring during the course of some
experiments. Rise times at 4.0 ¢ pH g 5.2 do not appear
to be greater than for the rest of the pH range, possibly
indicating the effect of the NaCl in causing colloid
formation by deétabilising the hydrolysis products. Trends
in the duration of the plateau may be obscured by the poor
PH control although it appears that shorter plateaux are
obtained at high pH and/or ionic strength and it is
expected that high concentrations of Cl1  will destabilise
the colloid,

The saline media do contain a pH buffer at higher
salinities such that pH variation in media of S 3 1720
are ¢ 0.5 pH units whereas pH changes around LO pH
units occurred at lower salinity. Throughout a pH range
of pH = 6.5 to pH = 10,0 the rise times are almost
constant between 1.9 and 3.9 seconds for all seawater
solutions. The one exception is at very low pH in a very
dilute saline medium where the rise time is 80 seconds at
PH = 4.0. 1In distilled water at this pH there would be no
colloid formation but in this case the low concentration of
seawater ions may induce colloid formation over an extended
period. This colloid is destabilised and flocculates as
it forms so that there is little or no plateau region.

The general trend is for either no plateau in high salinity




media or a short term plateau at lower pH values.

Therefore, in brackish waters in the natural pH range
colloid formation will be fast with the colloid being
immediately destabilised by the anions to give a flocculent.
In distilled water there is some short term colloid
stability both at high and low pH's, with some decrease

in the rate of colloid formation at low pH. In NaCl
solutions the rate of colloid formation is fast throughout
a wide pH range, and the colloid is destabilised at high
ionic strengths.

The results above are for model systems, and the final
section in Table 3,9 gives data for natural fresh waters
that may contain high concentrations of dissolved organic
matter. The colloidal forms of iron that are transported
by rivers are thought to be stabilised by organic matter
(104) and this hypothesis may be supported by the duration
of the plateaux especially for the iron rich stream water.
However, for runs involving the addition of Fe{III} to a
filtered river water, the rise times and plateau duration
are very similar to those parameters measured in buffered
distilled water at the same pH. Therefore, there was
either insufficient dissolved organic matter to stabilise
the colloid, or the ifon colloid is flocculated before an
iron-organic interaction occurs to stabilise the colloidal
form. The precipitation of iron from a filtered acid mine
water appeared to give a colloid with enhanced stability
compared to all the other solutions. At pH = 7.0 the

colloid forms comparatively slowly and is stable for several
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minutes. At higher pH the rise time is similar to those
found in the distilled water solutions where the colloid
is still stable for up to 10O seconds. In the final case
some concentrated seawater was added to the acidic stream
water to give a pH = 6.0 but despite this low pH colloid
formation and precipitation were extremely rapid. Thus
the organic matter does appear to stabilise the iron
colloid that forms from the natural source of iron providing
that the ionic strength is not increased. It is thought
that dissolved organic matter is also precipitated on
entering an estuary (118) and this may be the reason for
the absence of a plateau and the fast rise time at pH =
6.0 when the seawater ions are added 2,

Only a few of the natural solutions investigated are
listed here as the traces tended to be much noisier and
difficult to analyse. The oxidation state of the iron
was not determined and in some instances the iron-rich
stream water produced complex R.I. traces which involved
two stages in the initial rise. This could have resul ted
from two processes occurring simultaneously, i.e. the
precipitation of the Fe(III) and the oxidation of the
Fe(II) resulting in further precipitation. The acid
iron rich stream was later found to contain predominantly
Fe{II) but when these experiments were carried out this
had not been investigated and did not constitute part

of the study. With careful sample manipulation it might

a . s . .

‘Only =10% of the D.O.M, is precipitated but this may
be the most important fraction with respect to iron
colloid stability,
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have been possible to separate the two reactions so

that rise times could be calculated for each. This
would also require further model studies using solutions
containing both Fe(III) and Fe(II), but rather than
adding to the complexity of the model a series of
experiments using Fe(IIl) were carried out.

3.2.3 Fe(Il) Derived Precipitates

The sequence of reactions shown in Eq. (3.2) can
be extended quite simply to include Fe(II) as the
initial reactant thus:-

Fe(1I)(aq) _ Fe(III)(aq) —
Oxidation Hydrolysis

—

Fe(OH) — Fe_(OH) . —_
3 Polymerisation * y(colloid) Flocculation

FeOOH (ppt)
..« Eq. {(3.3)

The rate of oxidation will control the rate of formation
of Fe(III)(aq) which will obviously affect the rate of
hydrolysis and all subsequent reactions. The rate of
oxidation has been shown to be pH and ionic strength
dependent (56) but there is a secondary factor intro-
duced as the iron oxyhydroxide surface is thought to
catalyse the oxidation, and there is the possibility

of Fe(ll) being adsorbed directly onto the oxyhydroxide

surface {(210),
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The R.I. curves for Fe(II) derived precipitates
are shown for seawater in Figure 3.2.3 and distilled
water in Figure 3.2.4. There is a progression in both
media such that the steeper the initial rise the
greater the maximum R.I. value illustrating the effect
of oxidation on the rate of particle formation. In
seawater it might be expected that the slow formation
of Fe(IIl)(aq) followed by the very fast flocculation
as observed in Section 3.2.2 would give a very small
increase in R.I. because of the small number of
colloidal particles available at any one time. This is
not observed however and the autocatalysis of the
Fe(II) oxidation by the FeOOH surface may be called
upon as an explanation (56)}. A cycle is set up where
the more iron oxyhydroxide produced the faster Fe(II)
can be oxidised which increases the amount of colloidal
particles which flocculate to produce more iron oxy-
hydroxide., Thus the rate of colloid formation will
increase initially and then decrease as the Fe(II) is
depleted giving a curve of the form shown in Figure
3.2.4 at pH = 7.4. The curves in Figures 3.2.3 and
3.,2.,4 are on different scales, and as for the case
of Fe(III) the trend is for lower total R.I. increases
in seawater compared with distilled water.

The effect of phosphate on the precipitation was
investigated as it has been shown to accelerate the rate

of oxidation (54). The effect of 1 x 10_6M [(P04)] in
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distilled water is shown in Figure 3.2.5. The dotted
line is the normal curve without phosphate whereas

the lower solid curve is for a phosphate containing
solution. In seawater there is no observable difference;
consequently it is the destabilising effect on the
colloidal particles of the negatively charged phosphate
species that is being shown by the changes in R.I.

Curves ratherx than the catalysis of the oxidation.

Having illustrated the types of R.I. curve obtained
for Fe(II) derived precipitates the data is summarised
in Figure 3,2.6 for distilled water and Figure 3.2.7
for seawater, 1In each figure the rise time versus pH
is plotted and although there is considerable scatter,
the trends are quite clear, 1In distilled water the rise
times vary from = 15 seconds at pH = 8,3 to = 400 seconds
at pH = 7.0, while in seawater the variation is from
=100 seconds at pH = 8.3 to = 1000 seconds at.pH = 7.4.
Obviously the rise times are much slower for Fe(II)
derived precipitates than for Fe(IIl) derived precipitates
at the same pH indicating the rate determining role of
the oxidation reaction prior to particle formation.

This is also revealed by the inverse behaviour of the
particle formation in seawater compared with distilled
water between the Fe(II) and Fe(III) derived precipitate,
The changes in rise time with changing salinity are

shown in Figure 3.2.8 for Fe(II) at constant pH, and
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although the data set is not complete, it appears that
rise times are most greatly affected by changes in
salinity in the OZO to IOZ° range. This is complicated
by the effects of pH such that at pH = 7.9 the change

in rise time is from 70 seconds at S

07, to 300
seconds at S = 3220 compared with a change in rise time
at pH = 7.4 from 100 seconds for S = OZO to 1000
seconds at S = BZZO i.e, from a 4.5 fold increase to
a 10 fold increase in rise time from pH = 7.9 to pH
= 7.4.

The rise times for both the Fe(II) and the Fe(III)
derived precipitates are shown in Figure 3.2.9 with
the points for Fe(III) derived precipitates lying almost
along the x-axis, This figure summarises almost all
the data for precipitate formation in various media with
the two possible starting materials., The general form .
of this diagram will occur in later discussion when
examining.the phosphate uptake onto freshly forming
model and natural iron oxyhydroxides.

3.2.4 Kinetic Analvsis of Nephelometrv

Nephelometry measures the formation of colloidal
particles and the reaction sequence hypothesised in
Equation (3.2) and Equation (3.3) give the reactions
for both colloid formation and colloid flocculation.
If the removal by flocculation is ignored it may be
possible to derive kinetic equations for the formation

as measured by the nephelometer.
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As a first assumption let the colloid formation
from Fe(II) be a single stage process with the colloid
forming directly from the Fe(II),as shown in Equation

(3.4),which may occur for rapid oxidation cases.

ky

Fe(II){(aq) + A — Fex(OH)y(colloid) + A
1

k_y

e eoe Eq- (3.4)

Where A = Unconsumed component such as OH as pH is
held constant or O2 because system is open

and initial concentration of Fe(II) is small.

]
X

If [Fe(II)(aq)]

[Fe, (OH) ¢ (co110id)]= *1

and[A] = X
dxl ' k'
then 33 = x(xo - xl) ky = xx k_,

¢ o qu (3.5)

t !
By replacing kl and k—l by concentration dependent terms

Equation (3.6) is obtained thus:

3

1 )
dt = xo kl - xl (kl -|-k_1) s ee qu (3.6)
]
Where kl = kl x
t
k—l = k-l p14
At time t = O when x; = O Equation (3.6) integrates to
k1
%) = EI:E:I X4 [l = exp (-t (kl + k*l)n

e e 0 Eq. (3.7)
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At equilibrium X T Xy,

Ky
x 3 S ——— x
le [(k1+k_l)] o

. X

o -;:; = [1 -exp (- t (k1 + k_l))]

and rearranging:

*1
-1n[1--——]=t(k + k
x1CI° 1

-1)

¢ e e qu (3.8)

As s S [Fex OHy(colloid

the increase in R.I, at time t with x

)] this can be equated to

1o being the

maximum value of the R.I. Thus plotting = 1ln [ - %f%f ]
max

against time should give a straight line for this simple

model,

This data is plotted in Figure 3.2.10 for distilled
water and Figure 3,2.11 for seawater and in both cases
curves are obtained except for pH values greater than
pH = 8,0 in distilled water only. This is not a
surprising result as the simplicity of the initial
hypothesis requires the rate of oxidation to be of
similaxr magnitude to that of the colloid formation from
Fe(III). From the rise times obtained for the oxidation
reactions and other work done on this system (56) this
condition is only likely to be met at high pH values in
distilled water. Therefore for the next calculation a

two stage process is proposed as shown in Equation (3.9).
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Figure 3,2,10, Plot for single stage kinetic analysis of
relative intensity curves for Fe(II) in
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k
2
Fe(Il)(aq) + A — Fe(IIIl)(aq) + A —

k k_,

Fex(OH) + A ... Eq. (3.9)

y(colloid)

and it is assumed as a first approximation that k, = 2k

and k_2 = 2k_1 (i.e. that colloid formation is twice

1

as fast as the oxidation).

If [Fe(II)(aq)]

*o

[Fe(III)(aq)]

*1

and [Fex(OH)y(colloid)] = X, the rate equations can be

written down thus:

d x

O = -
dt - kl Xl - k—l xo s s 0 Eq. (3-10)
d xl
dat =Ky Xo t K g% - ky x) -k ) ox
" 00 ch (3.11)
d x2
at = kp ¥, - k_, Xs +««+ Eq. (3.12)

The full integration of these simultaneous equations is
described elsewhere (211) and applying the limit that
at t = O, X, = O with the assumed relationships between

the rate constants, then:

2
k| %5 2
x2 = W) [l - exp (- t (kl + k_l))]
At equilibrium Xy > X5 4 t » o
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X5 (k1 + k_.)

1
X =
0O 2
k1
x
. 2 2
e g =[1 - exp (-t (kl + k_l)n
2m
and rearranging:
x %
2 - 2
~ 1ln [l -(xz) = t [(kl +k_l)]

L Eq. (3'13)

As x, =[ Fex(OH)y(colloid)] the same assumption can
be made as for the single stage process, and so by

%*%L——J ] against time a straight
** *max

plotting - 1n [1 -
line will be obtained for a two stage process. The
results of this analysis are plotted in Figure 3.2.12
for distilled water and Figure 3.2.13 for seawater., In
seawater there is still little agreement with the
proposed mechanism except at pH = 8.3. However in
distilled water straight lines are obtained for the
reactions at pH = 7.6, 7.8 and 8,2, but for pH « 7.5

no straight lines are obtained. This indicates that
the oxidation step fits the assumption of its rate
constant being half as large as that for the colloid
formation for pH > 7,5 in distilled water. In seawater
this only fits at pH 2 8.3.

By using a simple mechanism, and assuming an arbitrary
relationship between the rates for the two stages an
improvement in the model is obtained. However this is
as far as this simple mechanistic approach can be taken
the integrated rate

because if k, £ 2k, and k_, £ 2k _

1 1
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equation for Xo is still cumbersome and cannot be
simplified easily. Increasing the number of stages
for the process would also involve large complex
equations so that this simplified two stage process
is the best mechanistic model that can be obtained.

The one and two stage models fit the reaction
sequences originally hypothesised under certain conditions.
For a one stage process the rate of oxidation must be as
fast as the colloid formation which can only occur at
high pH's in distilled water. For a two stage process
assuming that the rate of colloid formation is twice
as fast as the oxidation the mechanism works in distilled
water ét pH's > 7.6 and in seawater at pH'sz 8.3,

Below these respective pH's the mechanism is more complex
and as stated above, additional reactions such as direct
adsorption of Fe(II) may occur and add complexity to

the reaction sequence. Furthermore in seawater and
distilled water at pH < 7.5 the removal of the colloid
by flocculation is almost certainly occurring simultan-
eously with the colloid formation. The data for kinetic
analysis was extracted from the R.I. curves which were

" assumed to equate to the concentration of Fex(OH)y(colloid)
alone, consequently the removal mechanism will obviously
affect the measurements and hence the calculations,

3.2.5 Summary of Precipitate Formation

(a) Colloid formation from Fe(III) is extremely fast

and pH independent in NaCl solutions and seawater. In
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these higher ionic strength media the colloid is
immediately destabilised by the anions.

(b) Colloid formation from Fe(III) is also very fast in
distilled water and although pH dependent, no measurable
change in the rate of formation is obtained other than
at the low end of the natural pH range (pH ¢ 6.0). The
colloid has a limited stability in distilled water and
flocculates slowly at high pH's.

(c) Colloid formation from Fe(II) is controlled by the
rate of oxidation of Fe(II). At high pH in distilled
water the formation of colloid appears to be a single
stage process, at high pH in seawater and pH > 7.6

in distilled water the formation of colloid appears to
be a two stage process. The destabilising of the colloid
in seawater and at low pH in distilled water hinder any
further mechanistic analysis.

(d) By examining the rise times of the R.I. curves a
field diagram can be drawn indicating the comparative
rates of precipitate formation from Fe(III) and Fe(II)

in distilled water and seawater at various pH's,
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3.3 Phosphate Adsorption

For this part of the study a variety of adsorption
experiments were carried out in order to model the
possible interactions of iron oxyhydroxides with dissolved
phosphate in estuarine media. Reference is made to the
results obtained in Sections 3.1 and 3.2 as many of the
adsorption phenomena can be explained at least in part
by differences in precipitate formation and/or character.
The first section deals with the variables chosen and
controlled in this study and discusses their relevance to
the natural estuarine environment. The uptake is des-
cribed qualitatively in the next two sections, each
distinguished by the précipitate age. Quantitative
analysis then follows, including ahalysis of natural
samples, and this is also split into two sections involving
aged and fresh precipitates, Finally the results are
summarised so that the comparison between natural and
model experiments can be clearly made.

3.3.1 Discussion of Chemical Modelling

The reactions were carried out in filtered seawater
and distilled water containing a sodium bicarbonate
buffer. These solutions represent the end members of an
estuarine system and no solutions of intermediate salinity
were used. Variation of the salinity in model solutions
to cover the estuarine range would have required a
considerable increase in the number of experiments. It

was felt that the data obtained from the examination of
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reactions at S = OZO and S = 342o would enable limits
to be given to the extent and rates of adsorption, plus
any mechanistic information on the interactions between
iron oxyhydroxides and phosphate. Previous studies
have shown that the low salinity region is important
for estuarine iron/phosphate interactions (114).
However, the nephelometric technique used in this study
has shown that the rate of particle formation from Fe{(II)
is not altered dramatically by salinity changes above
IOZO (Figure 3.1.3) and rate of particle formation from
Fe(III) is almost constant throughout the natural pH
range and at any ionic strength up to O.7M.

Seawater has a relatively constant composition when
sampled away from freshwater and anthropogenic inputs,
as was the case in this work, whereas river water can
vary considerably in composition with season, weather
and the géology of the catchment area, plus other factors,
not least of which is human activity. Therefore seawater
of low organic carbon content (<1,0 mg l'l) was used as
the saline end-member for the model and buffered distilled
water was used as the fresh water end-member, the latter
being a comparatively poor analogue, However, this
simplified solution removes some of the variation which
makes field measurements so difficult to analyse and
enabled repeat experiments to be done without the
necessity of checking or adjusting the composition of the

media.
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The oxyhydroxides derived from both Fe(II) and
Fe(III) salts were formed in situ as fresh precipitates,
or aged for 20 h before phosphate addition. The
experiments using fresh precipitates modelled inputs
of dissolved iron from either streams, sediment pore
waters or stirring across the oxic/anoxic boundary of
stabilised lakes, while the aged oxyhydroxides modelled
possible crystalline forms of iron oxyhydroxides
derived from crustal weathering and other solid phases
of iron found in natural waters.

The majority of experiments were carried out at 15°C
but a few were repeated at 2°%C to investigate the tem-
perature dependence of the interactions. These two
temperatures are approximate limits of normal estuarine
temperature ranges. A temperature of 15°C was chosen
not only because it is representative of natural water
temperatures but also for comfort since experiments were
carried out in temperature controlled rooms set at the
appropriate values,

Thus the above parameters of initial concentration .
of reactants, precipitate source and age, solution
composition and temperature were combined with pH to
model the numerous possibilities of estuarine adsorption
phenomena in a laboratory controlled environment.

3.3.2 General Discussion on Aged Precipitates in

Model Solutions

The adsorpticn of phosphate onto aged Fe(III) derived

precipitates is shown in Figure 3.3.,1 for seawater and
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Figure 3.3.2 for distilled water in the pH range

pH = 6.9 to pH = 8.3, Each of these curves is produced

from data for at least 2 identical runs. Further

single experiments at various intermediate pH's were

also carried out but these are not shown for clarity,

and also because the subsequent kinetic analysis was

only done on those runs which had sufficient data for

well defined ¢urves to be drawn. The extent of adsorption
is dependent on pH in both media with the equilibrium value @
decreasing with increasing pH. The trend is more pronounced
in distilled water with the amount adsorbed at equilibrium
at pH = 8.5 being less than 20% compared with 80% at

pH = 6.9, In seawater the adsorption at equilibrium at

pH 8.1 is 60% compared with more than 90% at pH = 6.9
and so the extent of adsorption is also enhanced in sea-
water compared with that in distilled water at the séme
pH. The possible explanations for these adsorption
profiles involve either a chemical adsorption mechanism
or a physical adsorption mechanism or perhaps more
realistically, a mixture of both. Adsorption isotherms
may indicate adsorption mechanisms and both the Langmuir
and Freundlich equations were applied to data from uptake
curves at fixed pH but varying phosphate concentration.
Initial phosphate concentrations used were 0.5, 1.0, 2.0,
2.5, 3.0, 4.0, 5.0, 6.0 and 10.0 ymol 1”1 and the pH in
seawater was pH = 8.1 and in distilled water was pH = 7.4,

The Langmuir equation produced no definitive trend and the

&This is taken as the concentration of PO4 adsorbed
after 2 h.

179,



‘08T

1.0

08

0.6

04

0.2

-
o ,
l— A A ‘D On
R A D A
X S - yAY —_— - 0
i ' ) 0 AN A
. % a 0
% o = .
! X , - t = g
X . . < | o
» ;2 )x "
[ { | { | I |
40 60 80 100 _ 1 '
20 4 Time (mmgf)

Figure 3,3.2. Adsorption profiles for the removal of dissolved phosphate from distilled
. water by aged Fe(III) derived oxyhydroxides. O- pH = 8,55 A- pH = 8.3;
O~pH=7.3; X-pH = 6.9



data for both seawater and distilled water gave randomly
scattered points. Previous work has stated that it is
unlikely that the Langmuir isotherm would be appropriate
for application to the adsorption of charged phosphate

jons onto charged oxide surfaces (143) and therefore the
Langmuir calculations are not shown. The Freundlich
isotherms are shown in Figure 3.3.3 as some relationship
is apparent although it is not simple in either seawater
or distilled water. The more usual form for the Freundlich
isotherm is a single straight line whose slope and
intercept are equivalent to the empiricél constants of the
Freundlich equation as shown in Equation (1.5). In the
distilled water case the data forms two straight lines

of differing slope which could also be drawn as a smooth
curve. Whichever way this isotherm is depicted it appears
to represent two segments of adsorpfion behaviour
depending on phosphate concentration. The Freundlich
equation models adsorption in which the affinity for
adsorption decreases exponentially as the amount adsorbed
increases (140). It is expected that the affinity for
adsorption will decrease in this case as the surface
charge on the iron oxyhydroxide will increase in negative
charge with increasing adsorbed phosphate. It is unlikely
that a saturation of surface sites is occurring at the
.comparatively low levels of phosphate used in this study
as considerably higher concentrations (3 mg PO,-P 1-1)
have been used by other workers (131) without reaching

the limits of the adsorption capacity. Consequently
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increasing the phosphate adsorbed decreases the affinity
for adsorption but not exponentially as the Freundlich
model predicts. A similar argument can be proposed for
the adsorption in seawater although the isotherm has a
discontinuity at approximately 2.0 umol 1_1 initial
phosphate concentration. The change in slope of the two
parts of the.isotherm is less than that in the distilled
water example which may indicate the lessening of the
effect of phosphate adsorption on surface charge in the
presence of high concentrations of other ions. There is
no explanation of the discontinuity as experiments were
not sufficiently precise to investigate this section in
greater detail. The amount of phosphate adsorbed was
calculated from equilibrium concenfrations measured after
20 h., This time period was taken as the completion of
phosphate uptake without additional uptake resulting
from long term incorporation of phosphate into the iron
oxyhydroxide matrix to produce an iron phosphate (134).
The equilibrium values in distilled water were virtually
identical gfter 2 h with those after 20 h whereas in sea-
water there was considerable additional uptake over the
longer period. This phenomenon emphasises the differences
in the uptake between the two media and it may be easier
to explain these differences usiﬁg a more physical type of

adsorption mechanism rather than chemisorption involving

ligand exchange which is as shown in Equation (3.14).




Fe - OH + H2PO- = Fe - H,PO, + OH™

4 4
... Eq. (3.14)
The extent of this reaction depends on the coordinating
tendency of iron with phosphate species compared with
the hydroxyl ion. This can be found semiquantitatively
by examining the affinity of the aqueous Fe(III) ion
towards OH and the phosphate species, e.g.

3+ 33— —

Fe + PO4 FePO log10 K = 22

4
e e s qu (3.15)
3+ -\ -
Fe + 3(OH ) & Fe(OH)B log,5 K = 36
e+ Eg. (3.16)
Therefore the OH has a stronger affinity for Fe3+ than
Poi' and the same applies to other phosphate species (31).
However, this reaction will depend on the concentrations
of OH and Poz- according to the ratio of [Poif]/[OHi]3 

and so as pH decreases the POz' will tend to enter the

coordination sheath of the Fe3+. This simple mechanism

is not the complete picture since both the phosphate
speciation and the surface charge on the iron oxyhydroxide
will vary with pH. Thus, in distilled water the trends
can be represented in Table 3.10, where the pH of zero
point charge (pHZ.P.C.) of am-FeOCH is 7.9 (49). Even
from this simplified picture the favourable electrostatic
interaction at pH < 7.9 contrasts with the electrostatic
repuléion at pH > 7.9. Therefore electrostatic inter-

actions follow the same trend as predicted for chemical

interactions with regard to changes in pH, i.e. uptake is




Table 3.10.

Changes in speciation and surface charge

due to pH for iron oxyhydroxide and

phosphate in distilled water.

pH Dominant surface Dominant phosphate
group on iron species
oxyhydroxide
+ -
<7.9 Fe - OH2 H2PO4
=7.9 Fe - OH H POi-
7.9 Fe - O H PO;~
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more favourable at lower pH., However, there is no
information on which of these mechanisms predominates
and although both fit the uptake curves as shown in
Figures 3.3.1 and 3.3.2 the chemisorption model does

not predict the enhanced equilibrium adsorption found

in seawater nor the differences between the two Freundlich
isotherms. The adsorption of phosphate from seawater is
complicated by adsorption of seawater ions onto the iron
oxyhydroxide surface (73, 74). The normal PH, p . for
Goethite is depressed to pHZ.P.C. = 7.1 in seawater by
adsorption of soi‘ (50). Conséquently the electrostatic
interactions appear to be less favourable in seawater at
natural pH's than in distilled water yet the observed
behaviour is for adsorption to be enhanced. This can

be explained in terms of a model recently developed to
examine the surface chemistry of q~FeOOH in seawater
(73, 90). By examining the adsorption of major seawater
ions the model proposed that at pH = 7.0 40% of the
surface sites would be neutrally charged, 27% positively

2+

charged mainly by Mg and Ca.2+ adsorption and 33%

negatively charged predominantly by soi’ and C1~ anions.

At pH = 8.0 37% are neutrally charged, 36% positively

charged with Mg ou* becoming important as well as M92+

and Ca2+ and 27% negatively charged by the same anions as

above. Consequently although the sz pP.Cc. = 7.1 predicts
an overall negative charge at pH's above this value, the

2+

adsorption of Ca and Mg2+ may well increase the number
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of available sites for phosphate adsorption. Furthermore,
the dominant form of phosphate in seawater is HPOi- (159)
but complexation with M92+ and Ca2+ is likely and this
complexation may occur either with the surface adsorbed
cations or in solution so that cation-phosphate complexes
could be adsorbed. To obtain further information on
these reactions the temperature dependence of the
adsorption was investigated in an attempt to elucidate
the dominant mechanism of adsorption. Temperature changes
may affect . the reaction in two ways. Firstly physical
adsorption has no appreciable activation energy whereas
an activation energy may be involved in chemisorption
(212); thus the rate of uptake for physical adsorption
will not be affected by temperature changes. Secondly,
physical adsorption is an exothermic process so that from
Le Chateliex's Principle a decrease in temperature will
give an increase in the amount of phosphate adsorbed at
equilibrium. The adsorption of phosphate at 2°c and 15°%
is shown for seawater in Figure 3.3.4 and for distilled
water in Figure 3.3.5. If rate constants are available
for the reactions at the different temperatures the
Arhenius equation can be used to calculate the activation

energy for adsorption thus:

o) e (B2)
910 k, /' 2.303R TT,

... Eq. (3.17)
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Where k, & k, = Rate constants for the reactions at
275K and 288K respectively
T, & T2 = Temperature in “k

R = Gas constant [kJ k-1 mol-ll

and E = Activation Energy [kJ mol™l}]
Equation (3.17) will be used in the complete kinetic
analysis in Section 3.3.4 to calculate an activation
enerqgy for the adsorption in distilled water. 1In this
mediumthe rate of uptake is dependent on temperature,
and the equilibrium value is equal at both temperatures.
This' further confirms that the reaction in distilled
water is predominantly a ligand exchange process but in
seawater as shown in Figure 3.3.4 the rate of uptake
and equilibrium adsorption is independent of temperature;
consequently electrostatic and co-~adsorption phenomena play
a more important part in the process. Thus the mechanism
for the association between phosphate and aged Fe(III)
derived oxyhydroxide will depend on in which media the
reactions occur, Yates and Healy (84) have carried out
calculations for the seawater ion adsorption using a site
binding model which combines specific and electrostatic
interactions and which does not separate the mechanisms,
The results presented here support this type of model and
the degree of physical or chemical nature of the reaction
mechanisms will alter depending on various parameters,
and a better predictive quality to the models should be

obtained if the mechanisms are not kept mutually exclusive.
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In dramatic contrast to the complex adsorption
behaviour of aged Fe(I1II) derived precipitates Figure
3.3.6 shows that aged Fe(Il) derived precipitates do not
adsorb phosphate either in distilled water or seawater
in the natural pH range even when the experiments were
extended for a period of 50 h., This is a surprising
result as there should be little difference in the
. surface groups of am-FeCOH and the Fe(II) derived precipi-
tate which has been identified as Lepidocrocite (y- FeOOH)
in Section 3.1. The ligand exchange mechanism appears
only to be valid for aged Fe(IIl) precipitates; it
cannot explain why adsorption does not occur in this case.
Although the pHZ.P.C. for y-FeOOH is not as well documented
as that for am-FeOOH (7.9) and q-FeOOH (8.1) values of
pHZ.P.C. = 6.2 (192) and 6.9 (213) have been found. These
are certainly lower than the PH, b crg of Fe(III) derived
oxyhydroxides and they may well be decreased in seawater
by the same mechanism of soi‘ adsorption that has already
been proposed. Consequently this oxyhydroxide will have
a stronger electrostatic repulsive force than the others
examined and this may be sufficient to prevent adsorption
under the conditions examined, The pH was lowered to
pH = 5.3 in the distilled water and somé (y 20%)
adsorption was found. Difficulties in maintaining this
pH prevented complete investigation of conditions that
are outside the natural range and when the pH drifted

upwards, as the buffer regained its equilibrium, desorption
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of phosphate occurred. Thus this adsorption phenomena
appears to be predominantly physical but may not occur
in the natural pH range. The surface area for y -FeOOH
is smaller than the extremely large values obtained for
amorphous precipitates, with surface areas of about
100-170 m2 g"l ﬁreviously quoted (192) and areas up to
120 m° g-1 found in this study. Thus there is still a
substantial area available for adsorption. The occurrence
of Lepidocrocite in the natural environment has been
recorded predominantly in ground waters (41l). Its
occurrence in acid mine streams may mean that the com-
position of these streams will be different from other
natural waters as they may not contain an efficient
adsorbant to affect the partitioning of various
constituents between the solid and dissolved phases.
Lepidocrocite has not yet been identified as a component
of estuarine sediments an& it is thought that the more
common forms of Goethite and amorphous FeOOH are pre-
dominant. Consequently the importance of Lepidocrocite
to estuarine adsorption processes remains unknown,

3.3.3 General Discussion on Fresh Precipitates in

Model Solutions

Freshly forming iron oxyhydroxides produced by adding
dissolved Fe{III) to solutions containing phosphate were
found to be very efficient removers of phosphate from
solution as shown in Figure 3.3.7 for seawater and Figure

3.3.8 for distilled water. In distilled water experiments
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were carried out at pH = 6,5, 7.0 and 7.8 at 15°C and
pH = 7.2 at 2°C and in seawater the pH values used were
6.7, 8.0 and 8.2 at 15°C and pH = 7.4 and 8.1 at 2°C, 1In
all these experiments approximately 90% of the phosphate
was removed from solution within 30 seconds and equili-
brium was reached within 5 minutes. Under the experimental
conditions used any differences in the rate of adsorption
could not be discerned and it can be concluded that the
adsorption behaviour is independent of pH, and ionic
strength. The change in temperature could slow the rate
of uptake by an order of magnitude, but the results show
no obvious decrease in rate at the lower temperature
and this suggests that the rate of uptake is still
extremely fast at 2°C. The nephz2lometric study showed
that over a wide pH range in distilled water and sea-
water the appearance of the colloid occurred in <10
seconds, This rapid development of a very active surface
in the presence of phosphate would tend to mask the
effect of the two variables. Unfortunately no nephelo-
metric experiments were carried out at 2° and no
conclusions can be drawn as to the effects of temperature
on the particle formation; however hydrolysis of Fe(III)
has been shown to be temperature dependent by other
workers (6).

The rate of these reactions makes kinetic analysis
impossible from the methods used and there is little

evidence on which to hypothesise mechanisms for the
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reactions, As Fe{III) was added to a solution containing

phosphate it is possible that Fe PO, was precipitated

4
depending on pH and initial phosphate concentration.
Consideration of the solubility of Fe PO, (31) indicates
that this phase is stable if precipitated at pH ¢ 5 but
the concentration used in this study is low enough to
prevent precipitation of Fe PO4 especially in the pH
range used. Furthermore the low concentrations of
phosphate used compared with the Fe(III) concentration
would mean that more Fe(OH)3 than Fe PO4 would be
precipitated and identifying the latter solid would be
almost impossible. Whether Fe(OH)B, Fe PO4 or mixed
oxide/phosphates were formed under the varying conditions
did not affect the rate of removal of the phosphate from
solution. This can be explained by the general trend

in rates of complex formation of an aquo ion with a
ligand and such reactions are thought to proceed in two
stages (205). Initially an aquo ion-ligand outer sphere
complex is formed and this is followed by the elimination
of HZO' If a similar mechanism occurs for the iron
oxyhydroxide/phosphate system the rate of formation will
show little or no dependence on the identity of the ligand
i.e. phosphate or OH and so the rate of adsorption will
not indicate whether Fe(OH)3 or Fe PO, is formed. The
uptake is so rapid and independent of all variables tried
that no information as to the mechanism for adsorption

is available other than to say uptake is dependent on

the rate of particle formation,
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Freshly forming Fe(II) derived precipitates have

a more complex adsorption behaviour although the rate of
phosphate adsorption is also dependent on rate of particle

formation. However, in this case the rate determining
step was found to be the rate of oxidation of Fe(II) which
was dependent on pH, ionic strength and temperature.
Figure 3,3.9 shows the relatively slow removal of phosphate
in seawater at various pH's., The adsorption at pH = 8.1
was complete within 30 minutes and the equilibrium con-
centration was approximately 0.15 jmol 171, At pH = 7.4
the removal was much slower and was not complete until
approximately 150 minutes with a similar equilibrium
concentration to that at pH = 8.1, The pH changes during
the course of an experiment were usually <0.2 pH units
and occurred as the acidic Fe(II) was added to the
solution. The buffer capacity of the seawater then
returned the pH to its original value over a period of
approximately 10 minutes and during this pH rise no
desorption of the phosphate was observed, A few experi-
ments were carried out at 2°C and the results of one
of these experiments is shown in Figure 3.3,10 in which
the adsorption under identical conditions except a
temperature of 15°C is included as a comparison. It was
expected that this reaction would be temperature
dependent as the rate of oxidation of Fe(II) is known

to be dependent on this parameter. This temperature
dependence will be used to calculate an apparent activa-

tion energy for this uptake in the section on kinetic

198.




*661

0.6}

04

0.2

o

50
.%}0
A o]
A 8
'| L ()
A W ]
2 !
[
5 :.
. o]
i3 A "i
A A OO
i e A o) 0
A A o o (8] (o]
x a A
2 o X e X A Qo a
™ sy H A x e
X v E@ X gL X
PaY |~ |
1 1 | L 1 1
20 40 60 80 100 _ 120
Time (mins)

Figure 3.3.9.

by freshly precipitating Fe(II) derived oxyhydroxides, -

A- pH

7.63

B-pH=7.9;

Adsorption profiles for the removal of dissolved phosphate from seawater

O~ pH

= 7.4;



‘002

[PO.]
umol. 1™

X0lo

0

Figure 3.3,10.

! 1 1
20 40 60 80 100 __ . 120
Time (mins

Adsorption profiles showing effect of temperature upon uptake of phosphate
from seawater by Fe(II) derived oxyhydroxides at pH = 8.1. 0O - 15°C; x - 2°C



analysis. The results from the few experiments carried
out on temperature dependence will be plotted on diagrams
in the kinetic analysis to show possible effects of
temperature for comparison with natural adsorption
phenomena.

The adsorption onto freshly forming Fe(II) derived
oxyhydroxides from distilled water is shown in Figure
3.3.11 and in this mediumthe changes in pH during the
course of an experiment did result in desorption. In
Figure 3.3.11 only one curve is shown for clarity and
this is for two runs where pH changes were identical.
The curves were very sensitive to the changes in pH such
that desorption would be retarded for a few minutes if
the minimum in pH persisted for a short time. The
concentration of phosphate remaining in solution at
maximum adsorption was dependent on pH although the
desorption made this difficult to measure. The maximum
change in pH was 0.4 pH units and the carbonate buffer
returned the pH to equilibrium after about 15 minutes.
Additional desorption occurred after the pH stabilised
and this occurred over 24 h and may have been linked
with morphological changes in the y-FeOOH precipitated.
The equilibrium concentrations after 24 h were pH
dependent as shown in Table 3.11.

The initial rate of uptake appears to be [PO4]0 in-
dependent as shown in Figure 3.3.12 when adsorption at

pH = 8.1 reaches a maximum with approximately 0.2 uymol l-1
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Table 3.11 pH dependence of equilibrium concentration

of PO4 in distilled water

pH PO4l In1TIAL [FO41Eqm
6.5 0.88 0.60
7.9 0.95 0.50
8.1 0.95 0.40
8.3 0.75 0.37
8.1 1,73 0.50
8.1 1.96 0.85
8.4 4.20 2.05

202,



*goe

0.2]

ao

(@)
®
@

1 : | | 1 | i

20. 40 60 80 100

Figure 3,3.11.

20
Time (ming)

Adsorption profile for the removal of dissolved phosphate from distilled
water by fieshly precipitating Fe(II) derived oxyhydroxide pH = 8,0.



‘voc

[Po]
umol.I™’

15
10
05 | o 0 o o——0 8
x——* % % % % %
0 20 40 o 80

100 1ime (mins) 120

Figure 3.3.12. Adsorption profiles for uptake onto precipitﬁting Fe(II) derived

oxyhydroxides in distilled water at pH = 8.1 showing dependence on tP04]o
X- 1,0 pmol 1-1; O- 2.0 pmol l-l .



remaining in scolution for initial concentrations of

1.0 umol 1'l and 2,0 pmol 1-1. The long term uptake to
equilibrium is [PO4]odependent as shown in Figure 3,3,12
and Table 3,11, Figure 3.3.13 shows the desorption is
also reversible over medium length time periods if the
pH. changes. By decreasing the pH from pH = 8.0 to

pH = 5.7 readsorptioq occurs to a similar level to that
at initial maximum adsorption where pH fell to pH = 7,0.
-Furthermore increasing the pH produces desorption again
showing the labile nature of the phosphate on this
oxyhydroxide surface., This behaviour was not observed
for a similarly derived precipitate in seawater even when
pH changes were purposely increased. Consequently, as
was the case for aged Fe(III) derived precipitates the
mechanism for phosphate binding to the respective oxy-
hydroxides appears to be different between seawater and
distilled water. The adsorption behaviour of Fe(II)
derived precipitates in seawater is amenable to
quantitative analysis but quantitative studies of the
reaction in distilled water would require an even tightex
control over pH. This could be obtained by using
premixed C02/air gas mixtures of varying concentration
bubbled continuously through the solutions during the
course of an experiment. Although this may make analysis
easier, it would push the model further away from the

reactions occurring in natural waters which will not have

such an elaborate pH buffer,
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3.3.4 Kinetic Analysis of the Uptake onto Aged Precipitates

The qualitative description of the previous sections
is of littlé use in predicting natural adsorption phenomena

and the numerous adsorption profiles must be analysed to
give quantitative information. 1In this way it was possible
to summarise the important aspects of the data. Further-
more, mechanistic and kinetic information extracted from
this data hay indicate which of the two possible processes
proposed, i.e. physical adsorption or chemical adsorption,
is predominant. 1If, for example, rate constants for the
various reactions can be calculated as a function of
temperature this would enable activation energies to be
obtained. This would also assist in the prediction of
phosphate removal under varying conditions in the natural
aquatic environment.

Howéver, in this study only two data sets can be
quantitatively analysed. Firstly, the adsorption onto aged
Fe(III) derived precipitates in both distilled water and
seawater and secondly, the adsorption onto freshly precipi-
tating Fe(II) derived oxyvhydroxides in seawater. This is
because aged Fe(II) derived oxyhydroxides do not adsorb in
the pH range examined, freshly precipitating Fe(III) derived
oxyhydroxides adsorb the phosphate too rapidly for analysis
to be carried out and the desorption observed in freshly

forming Fe(II) precipitates in distilled water makes analysis

difficult,




Attempts were made to fit the integrated rate equations for
1st and 2nd order reactions to the adsorption curves of
aged Fe(III) derived precipitates in distilled water and
seawater. This analysis did not produce meaningful results
and therefore the order of the reactions in each medium was
calculated using the initial rate method at varying initial
phosphate concentrations, [PO4]O. Thus, by measuring the
slope of the tangent drawn to the adsorption curve at t=0
for +two initial phosphate concentrations the order can be

calculated using equation (3,18):-

dx dx
log)o (dt)l = log)o (dt)2

n =

b4
log)p [*} - 10910 [x}3
«ee Eq. (3.18)
dx dx
where (3T & at = Slope of the tangent to curves
1 2
1l and 2 respectively.
[x1, & [x]o = Initial concentration of
phosphate, [PO4]0.
n, = Order of reaction with respect

to component x.
The order in distilled water was found to be approximately
1.4 with values varying from 1.1 to 1,5, using 4 runs with
the initial concentrations in the range 0.5 pmol 1-l to
10 umol 1-1. For seawater n = 0.7 with a range of values
from 0.5 to 0.9. In both cases a wide spread of values

was found which was due to the steepness of the curves at

the start of the adsorption for each media. Thefour values
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of the order showed that n, < 1.0 for seawater and 1.0<n
< 2.0 for distilled water. These values indicate some
difference in the uptake in seawater and distilled water.
However, since the order in both cases is not a whole
numbexr the reaction is thought to be complex and it is
unlikely that simple kinetics will fit the data (214).
Rather than attempting to formulate exact rate laws, a
working predictive model was required, so that the uptake
in the model systems could be compared to that in natural
systems; In order to accomplish this a set of standard
integrated rate equations for several reversible reactions
(215) were chosen and applied to the data in order to find
the "best fit". From the calculations of the order of
reaction it is unlikely that even these simple mechanisms
(shown in Table 3.12) represent the complete system.
However, as will be seen the chosen system does enable the
required comparisons between the model and natural systems
to be made,

The tests of the 5 reversible reactions in Table 3,12
for the seawater data are shown in Figure 3.3.14 and for
distilled water in Figure 3.3.15. The y-axes for these
plots are given as 1n{f) where the fﬁnction, f, is given
in Table 3,12. 1In both cases the reversible 2nd order
reaction involving either equal concentrations of two
components (reaction 5) or two components of the same type
{reaction 4) give a straight line fit to the data using

with [P04_]o = 2,0 ymol 1-1. Reaction 5 is not favoured
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Table 3,12 1ln(f) functions for reaction mechanism examined

Reaction
Mechanism In(f)

[x]o "[x]w
[X] = [%]a
2
[X]g = (¥} [%]
((x1-[x)) (%]
([X]g = [X1) ([ XU X])g *+[ X5 [ X = [ X)[ X
2
(1o ((*1-[x)

1. X = A

2. X = A4+B

. 2 -
4 X’OIA*B Xl [ X1, - 2(X][X]_+ [X][X]o

5. X+¥= AsB2 [x]y [ *]-[x],)

[X]y = Initial concentration of x.
[X]e = Equilibrium concentration of x.
[X] = Concentration of x at time t.

a

for equal concentrations of x and y.
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as it would appear to involve the consumption not only of
phosphate but also of the active sites on the iron oxy-
hydroxide surface. Even if it is assumed that one phosphate
ion binds to a single reactive site on the oxyhydroxide
surface, or possibly as a binuclear complexation as
suggested by Lijklema (131), the concentrations of phosphate
adsorbed are small when compared to the number of active
sites on the solid. Consequently the concentration of

sites effectively remains constant and hence the reaction
should follow pseudo-first order kinetics. A similar
argument would apply to other possible reactants such as

OH because the pH is held constant.- Therefore, the
mechanism involving the two reactants is discounted. This
leaves reaction 4 involving two phosphate ions which com-
bine in some unspecified way on the oxyhydroxide surface.
This mechanism is difficult to envisage and as will be seen
later it cannot be designated as the actual mechanism,
despite the fact that the data fits it reasonably well.

This method of manipulating the data was adopted and the
data was processed to show the dependence of the rate of
adsorption on pH, ionic strength, phosphate concentration
and temperature., Figure 3.3.16 shows the 1ln(f) versus

time plots for reaction 4, Table 3.12 (2X & A+B) in
distilled water at varying [P04]0 and constant pH. From

the slopes of these lines log10 k values can be calculated?,
and these log10 k values are then plotted against the square

root of the initial concentration of phosphate as shown in

2This was done using standard kinetic formulae as found
in Laidler (214).
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Figure 3.3.17. This diagram includes log10 k values
calculated for seawater from the 1ln(f) plots shown in
Figure 3.3.18. A single line has been drawn through the
points, but least squares regression on the data for each
medium give the following relationships; in seawater
loglo k = 5.49 - 0.85 J€ with a correlation coefficient of
r = 0,97 and in distilled water log)q k = 5.67 - 0.92 4T
with r = 0,98. The adsorption of phosphaté onto iron
oxyhydroxides has previously been found to be proportional
to the squaré root of the phosphaté concentration (131) and
this is said to result from the following reaction (Equation
(3.19)), reaching equilibrium. This represents a chemical
Fe = OH Fe-0
o

= -
P + H.O + CH
~ oH 2

AN
/
Fe - OH Fe=0
... Eq. (3.19)
sorption process and although this is possible for the
reaction in distilled water from the results of this study,
it does not explain why the dependence of 10910 k is very
similar in seawater to that in distilled water as shown in
Figure §.3.17. In a sense the Jc dependence is quite
arbitrary and further investigations into the concentration
effects are required,
Similar equations showing the dependence of log10 k upon

pH are found with Figure 3,.3.19 showing the 1ln(f) v time

plots for the pH values for distilled water (pH = 6.9 and
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pH = 8.,3) and seawater (pH = 6;9 and pH = 8,2). The
plots at other pH values were omitted for clarity, but
all the data is shown on Figure 3,.3.20. This gives the
following relationships between loglo k and pH, in seawater
log10 K = 7.52 - 0.33 pH with r = 0,98 and in distilled
water 1og10 k = 9.19 - 0.64 pH with r = 0,97, From these
equations it can be seen that the rate of uptake is more
dependent on pH in distilled water than in seawater. This
supports the hypothesis that seawater ions affect the
surface charge and/or type of available binding site thus
decreasing the effect of pH, these factors being controlled
by pH alone in the distilled water,

Two sets of equations have been produced relating
log10 k to pH and [P04]0; unfortunately insufficient
experiments were carried out to enable the equations to be
combined as was done by Lijklema (131). The rate constants
calculated in this study are dependent on the concentration
of phosphate, consequently care must be exercised in the
use of these values as they are not true rate constants.
No conclusions as to the mechanism should be drawn from
the plots and the mechanism proposed{2X 3 A+B}does not
necessarily represent the mechanism for the reaction. The
diagrams produced indicate that the rate of uptake has a
similar dependence on the concentration of phosphate whetherxr
in seawater or distilled. However, the pH dependence is
larger in distilled water than in seawater. Further evidence

of the differences in the processes in the two media was
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obtained by studying the uptake at 2°c and 15°% (see

Figure 3.3.21, which shows plots of 1n(f) against time for
the temperature dependence of the reactions). In seawater
there is no temperature dependence (see adsorption profiles
Figure 3.3.4) and the rate constant at pH = 8.2, PO4 o =

1.0 mol 1'1

, T = 2°¢/15% is log,;, k = 4.85. In contrast
the uptake is temperature dependent in distilled water with
1og10 k = 4,37 at 2°C and loglo k = 4.64 at 15°C. Use of
these data in equation (3.17) yields an activation energy,
E = 31,9 kJ mol-l. This should be regarded as an apparent
activation energy (214) since:-

E(True) = E(Apparent) + Heat of adsorption

If, in the case of distilled water, the uptake is chemi-
sorption then the lower limit to the heat of adsorption is
approximately 80 kJ mol'1 (212) and so total activation
energy may be as high as 110 kJ mol-l. In seawater no
activation energy was measured and if the process is
dominated by a physical adsorption mechanism, already
proposed, the heat of adsorption would be less than 40 kJ
mc:l-1 (212)., The reason that the activation energy could
not be measured may possibly be due to the near equivalence
of the true activation energy and heat of adsorption although
this would be rather fortuitous. Overall, the adsorption
has thus been found to be more physical in nature when
occurring in seawater, and more chemical in nature when

occurring in distilled water.
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The next stage was to examine the adsorption onto
naturally occurring precipitates using estimates.of loglo k
as the summary of the model experiments, Only a few
adsorption experiments were carried out on aged natural
precipitates, The natural iron rich waters chosen contained
predominantly Fe(II) so that the major investigatién con-
centrated on freshly forming precipitates from these sources.
Figure 3.3.22 shows the behaviour of aged precipitates
derived from the Lady Bertha mine stream. When aged in
fresh water the precipitate does not adsorb phosphate as can
be seen for the traces at pH = 8.1 and pH = 7.2. However,
when aged in a saline medium (S = lszo) adsorption did occur
as shown in the trace at pH = 7.4 and a loglo'k value was
calculated for the profile and is plotted on Figure 3.3.23,
This diagram contains the values calculated from the models,
and the values calculated from the aged natural precipitates,
In the case of the Lady Bertha Mine precipitate the log10 k
value is not comparable with any of the model predictions.
This precipitate is not expected to adsorb phosphate because
it was found to have a very low surface area and it does not
adsorb in distilled water. However, it does adsorb in
saline media but the equilibrium concentration is high, and
the loglo k = 4,19 which is smaller than expected under the
experimental conditions. As it is of intermediate salinity
the log10 k value may be expected to be lower than 1oglo k =
5,05 but it appears that this is an anomalous adsorption

perhaps occurring because of some interaction in the more

223,



‘vee

o A A ° ° °
A A A a
X ] " .

X x N

0.6
0-4 A 1 1 L [ (] i |
0 20 40 60 80 100 _ _ 420
~ Time {min

Figure 3.3.22. Adsorption profiles for uptake of dissolved phosphate onto Lady Bertha Mine
precipitates. Q- pH = 8.1 & A- pH = 7.2 in fresh water X - pH = 7.4,S = lSZo

[ Fe ]TOT = 2,4 mg 1-1; [ Fe(I1)] = 68%



55

qu,ok

SOL

451

4.0L

3.5 1 ] ] | J
65 70 75 80 85,4 90

Comparison of loglo k values for aged natural
precipitates with synthetic 6xyhydroxides.
A - interstitial precipitate in fresh waters;

Figure 3.3.23.

B - interstitial water in seawater;

® - mine stream precipitate at S = 152
X,0 - synthetic oxyhydroxides, see i
Figure 3.3,20.
225,



complex natural media. A much better fit to the model is
found for aged precipitate derived from the River Carnon.
The adsorption curves for this system are shown in Figure
3.3.24 and the log10 k values plotted on Figure 3.3,23.
Figure 3.3.24 also contains plots for the uptake by freshly
forming Carnon River precipitates and this supports the
findings that this Fe(II) rich water produces adsorption
behaviour much closer to that found for model Fe(III)
systems. Even at the comparatively low pH values investi-
gated removal is almost instantaneous and there is only a
very small amount of desorption. No reasons can be given
for this behaviour as a limited number of experiments were
carried out using this water. Excellent agreement is found
for the uptake by two aged precipitates, and it is
unfortunate that further results could not be obtained for
this natural water. The reason for this was a problem with.
the analytical method for measuring phosphate which appeared
to be susceptible to considerable interference from this
natural water, Absorption values did not remain
constant after 10 minutes as was usual but continued to
increase for over an hour making the determination of phos-
phate almost impossible. This interference was suspected
as being due to high arsenic concentrations, this element
is known to interfere with this method for measuring
phosphate (183) and high arsenic levels have been recorded
for the waters and sediments of this river (216). Conse-

quently the absorbance measured at 10 minutes was assumed
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to be proportional to the concentration of phosphate,

the colour development due to arsenic taking longer as

the molybdenum arsenic complex formation was not catalysed.
The fourth point on Figure 3.3.23 is for an aged inter-
stitial derived precipitate formed in seawater. The rate
of adsorption-onto this precipitate has a loglo k = 4,53
at pH = 8.05 which is lower than that predicted by the
model. If this result is compared to that for the Lady
Bertha Mine stream precipitate both are lower than
expected but the interstitial water derived precipitate
does fall between the boundaries for seawater and distilled
water whereas the other result lies below these limits.,
For these very limited examples the model predicts the
behaviour in natural freshwaters when adsorption occurs,
but the adsorption onto natural precipitates in saline
media has lower rate constants than those predicted by the
model., This may mean that organic matter, or some other
component of the natural precipitates reduces the effect
of the seawater ions. These natural precipitates have
been identified as am~-FeOOH with surface areas somewhat
smaller than synthetic oxyhydroxides and it was suggested
that the reduction in surface area was due to organic
coatings. Even the anomalous Lady Bertha Mine stream
precipitate appears to obey the adsorption behaviour
expected by consideration of surface areas by its non-
adsorptive behaviour. Thus the model is a good analogue

for the fresh waters, but organics may complicate the
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behaviour to such an extent as to produce overestimates
for the rate of uptake from seawater.

3.3.5 Kinetic Analysis for Uptake onto_Fresh Precipitates

As mentioned above, only data for the formation of
precipitates derived'from Fe(II) in seawater can be
kinetically analysed and this is then used as the model
for the precipitates forming from iron rich natural waters.
The rate of adsorption was thought to be limited by the
rate of oxidation of Fe(II) and so for the first approxima-
tion the rate of uptake of phosphate was analysed by
adapting the equations used by Sung and Morgan (56 ). The

general rate law for homogeneous oxidation was found to be:

-d_[Fe(II)]_ k [OH™ ]2 Po_ [ Fe(II)]
dt = 2

.es Eq. (3.20)

2 -1 . -1)

where k Homogeneous rate constant (M ° atm = min

[OH ] Concentration of hydroxyl ions
[Fe(I1lY = Concentration of total Fe(II)

At constant pH and P, equation (3,20) reduces to a first

2
order equation:
-2 . =1
where k = k[OH ]° P (mins )
1l 02

«eos Eq. (3.22)
Equation (3.21) integrates to
[Fe(II)] = [Fe(II)]o exp (- Kk, t)
.o. Eq. (3.23)

By assuming that the rate of oxidation of Fe(II) is
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equivalent to the rate of removal of [PO,] i.e.

-d [Fe(11)] _ ~9 [PO,]
dt - dt

Then the Fe(II) terms in Equation (3.23) can be replaced
by PO4 thus _

(PO, ] = [P04]0 exp (- ky t) .+ Eq. (3.24)
If the assumptions are correct and the oxidation is pseudo-
first order, values of k1 can be calculated from plots of
log)q ([PO4]/[P04]0) against time. The slopes of the
straight lines are used in the modified Equation (3.20)
with P02 assumed to be 0.21 atm and [OH | calculated from
the pH and a value for K of 13.58 (56). For the profiles
at pH = 7.1 and pH = 7.3 (T = 15°C) shown in Figure 3.3.25

the values obtained were k = 1.3 x 10! M2 atm™! min~?

kK = 3.7 x 1042 M2 atm™1 min-l, respectively. These

and

estimates are in good agreement with values of k obtained
by other workers for the homogeneous oxidation of ferrous

11 to 2 x 1013 M~2 atm-l

iron, which lie in the range 5 x 10
min~1 (56). At pH2 7.4 straight lines were not obtained
for those experiments at 15°C and under these conditions
heterogeneous oxidation is occurring with autocatalysis of
the oxidation of Fe(IIlI) by the iron oxyhydroxide surface,
Thus, the rate of phosphate uptake is determined by the
rate of oxidation of Fe(II) in seawater; at 15°C and

at pH < 7.4, Therefore, the homogeneous oxidation of the

Fe(II) and the uptake of the phosphate are very strongly

coupled. Before examining the adsorption at pH > 7.4, the
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profiles obtained at 2°C were analysed., These profiles
give a straight line when analysed by the first order
Equation (3.24). The K, and P02 are as above for this
approximation because the pH control is not tight enough
to warrant rigorous calculation and at pH = 7.9 and

10 M-2 atm-l

temperature = 2°C a value of k = 5.4 x 10
min'1 was obtained. Thus there is a considerable reduction
in rate at the lower temperature despite the higher pH

but more importantly the reaction in seawater appears to be
reduced to a first order process at this lower temperature,
The data for an experiment carried out at 2°C and pH = 8.1
are also shown in Figure 3,.3.25 and it is apparent that
there is no fit to the straight line drawn, and the heter-

ogeneous oxidation occurs under these conditions., The

integrated rate equation for the heterogeneous oxidation is
[Fe(II)]0 (kl + k, [Fe(II)]p)

k2 [Fe(II)]O + k1 exp [(k1 + k2 [Fe(II)]o} t)

[FE(II)J =

«se Eq. (3.25)
This equation was used to analyse the adsorption data at
higher pH as before with k1 being calculated from Equation
(3.22) and assigning various values to k2 in an attempt to
fit the data. No value of k2 gave a plot which matched the
data and the rate 6f uptake of phosphate cannot be determined
using the equation for heterogeneous oxidation. The rate of
oxidation is increased at higher pH, consequently it is no
longer the rate determining step for the adsorption process,

At low pH values and/or low temperatures the rate of
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oxidation of Fe(II) is slower than precipitate formation
and/or phosphate adsorption and the rate of uptake of
phosphate is limited by the oxidation and so can be
analysed using the equations derived for the oxidation.

At pH > 7.4 at 15°C the rate of oxidation is similar to

or greater than the rate of adsorption and/or precipitate
formation and the equations derived for this heterogeneous
oxidation cannot be used to analyse the rate of uptake

of phosphate. .

In an attempt to model the adsorption from seawater
for the whole pH range under examination a similar approach
was adopted to that used in analysing the adsorption onto
aged precipitates. Figure 3,.3.26 shows the mechanism
tests with the 1ln(f) values shown in Table 3.12., Two
mechanisms gave straight lines for the data at pH = 7.9

[PO,]q = 1.0 ymol 17

depending on the temperature. The
first order equation for reaction 1, Table 3.12 gave a
straight line for the data at 2°C as was expected
following the analysis derived.above and the equation for
reaction 4, Table 3.12 gave a straight line for the data
at 15°c. Consequently, by plotting 1ln(f) against time at
PH 2 7.4 as shown in Figure 3.3.27 values for 1og, 4 k can
be calculated as shown before in Section 3.,3.4. Figure
3.3.27 includes results for an experiment in which the
initial concentration of Fe(II) was 0.7 mg 1-1 compared

with 2.8 mg 1-1 as in all other experiments. This illustrates

the effect of reducing- the concentration of Fe(II) and the
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adsorption profile is shown in Figure 3.3.28 and the
reaction still follows the second order mechanism., The
log10 k values are plotted against pH in Figure 3.3.29

and this gives the relationship as log10 k = ~16.8 + 2.86
pH with r = 0.99. This is the function used as the model
for comparison with the uptake onto natural precipitates.
Figure 3.3.30 shows the variation in log10 k when tempera-
ture and initial concentrations of Fe(II) and phosphate
were altered. The rate constants at pH = 7.9 and at the
two temperatures can be used to calculate an activation
energy as before with log10 k = 4,75 at 2°¢C and log10 k =
5.73 at 15°C. The value of the apparent activation energy
is 115 kJ mc>1-l which is considerably higher than that
calculated for the adsorption onto aged Fe(III) derived
oxyhydroxide probably showing the influence of oxidation
on the adsorption process, This is thought to be the
first time an activation energy has been reported for the
adsorption of phosphate onto freshly forming Fe(II)
derived iron oxyhydroxide. '

These trends in loglO k may be helpful when examining
the natural samples as levels of phosphate and Fe(II) may
not be identical to those used in the model. The natural
samples did not always give clean adsorption curves which
reduced the amount of analysable data while others produced
very good fits to the 1In(f) v time plots as shown in Figure
3.3.31 for the precipitates derived from interstitial water.,

The results are plotted in Figure 3.3.32 and this includes
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experiments carried out in natural fresh waters as well as
saline media. The uptake onto precipitates forming from
iron rich interstitial waters produces log, k values

that follow the model line throughout the pH range. The
iron rich mine stream results at S = lszo and S = 3OZo

are also in good agreement making this the best analogue
out of those systems examined. From these results it
should be possible to predict the relative rates of removal
of phosphate from solution if a source of Fe(II) enters a
phosphate containing saline water. These results only
apply to the conditions of temperature, [PO4]O and
[F‘e(II):]O given and changes in any of these parameters will
alter the rate as shown in Figure 3.3.31. It is interesting
to note thé log10 k values for the uptake onto natural
precipitates in fresh water as these are the only results
analysed for this system. This was possible due to the low
pH of the solution, and the absence of desorption resulting
from small pH changes and the formation of am-FeOOH rather
than y-FeOOH. 1In fresh water the rate of uptake is faster
than in seawater as is expected from the uptake curves
although the model fresh watexs could not be analysed. It
is only because the pH for these natural waters was low
that enabled analysis to be done and at pH > 7.2 the
adsorption curves were similar to those obtained from
freshly precipitating Fe(III) derived model systems, including
the absence of desorption,emphasising the fact that a

different iron oxyhydroxide is formed. Finally, experiments
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involving uptake from interstitial samples at 2°C are
also reported in Figure 3,3.32, The rate constant in
seawater at pH = 7.6 for an interstitial water containing
63% of total iron as Fe(II) was log10 k = 3.75 at 2°C and
loglo k = 4.38 at 15°C (the latter value estimated from
Figure 3.3.32). The apparent activation energy was found
to be 74.2 kJ mol~ ! which is lower than that for the model

1

reaction of E = 115 kJ mol”~ " at pH = 7.9. This

(apps)
reduction in E may arise from the presence of Fe(III) in

the natural water. This will be precipitated almost
immediately when added to the seawater thus creating a

fresh oxyhydroxide surface on which both adsoxrption of
phosphate and also autocatalysis of the oxidation can occur,
The rate constant in fresh water for a similar interstitial
sample at pH = 7.1 and 2°%C is loglo k = 3.18 and this value
is too low to be plotted on Figure 3.3.32, The rate constant
at 15% is plotted and using tﬁis value of log10 k = 4,38

and the log10 k value at 2°C an activation energy of 141.2

kJ mol"1 was calculated. This is the highest value for E
found and this is due to the slow oxidation of Fe(II) at

the low pH and temperature used. Although this solution
also contains Fe(III) this may be stabilised by dissolved
organic matter and would not precipitate in the Absence of
destabilising ions such as Cl~ and SOi-. Consequently

neither the rate of adsorption or rate of oxidation are

enhanced and a high apparent activation energy ensues.
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3.3.6 Summaryv of Phosphate Adsorption

For this part of the study chemical models were
produced to examine the removal of phosphate from solution
under the extremes of estuarine conditions. The relevance
and possible improvements to these models will be discussed
in Chapter 4 but even in the comparatively simple systems
chosen considerable differences in behaviour were found.
Possible reasons for these differences and the kinetic
analysis for each system can be summarised as follows:-
(a) The adsorption of phosphate onto aged Fe(III) derived
precipitates appears to be a chemisorption process in
distilled water with a strong pH dependence for both rate
of uptake and equilibrium concentration.

(b) The adsorption onto aged Fe(II1) derived precipitate
in seawater appears to be a physical adsorption with the
adsorption at equilibrium enhanced when compared with

adsorption in distilled water by a mechanism thought to

2+

2+ and Mg .

involve the seawater cations Ca
(c) The reactions were found not to have simple kinetic
orders.

(d) Apparent rate constants have been calculated for the
adsorption phenomena in (a) and (b) using the mechanism

2X A+B, These are not true rate constants as a dependence
on initial phosphate concentration was found such that

log;, k =5.58 +0.88 J/c. The dependence of log,, k on pH
for both media was also determined.

(e) Experiments were carried out at 2°c and 15% to examine
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the effect of temperature on the uptake. The apparent
activation energy in seawater was found to be zero and in
distilled water was found to be 31.9 kJ mol~l,

(f) Natural aged precipitates showed good agreement with
models for distilled water system, but considerable
variation was found for the natural precipitates in saline
media possibly suggesting an inhibition of the role of the
seawater ions,

(g9) Adsorption onto aged Fe(II) derived precipitates did
not occur in the natural pH range in seawater or distilled
water and this may indicate a physical adsorption process
inhibited by the nature of the 7-FeOOH surface formed.

(h) Adsorption by freshly forming Fe(III) precipitate is
extremely efficient and rapid under the conditions used.

It is thought that the rate of renoval is determined by the
rate of particle formation. No information on the mechanism
of adsorption could be extracted from the data.

(i) The adsorption onto freshly forming Fe(II) derived
precipitate is also dependent on the rate of particle forma-
tion. 1In distilled water the adsorption appearxs to be
physical with the phosphate exchanging with hydroxyl ions
during small changes in pH. The rate of this reaction and
the desorption due to pH and morphological changes prevent
kinetic analysis being carried out. The adsorption in
seawater can be analysed to give loglo k values with two
possible mechanisms depending on pH and temperature. At

low pH and/or temperature the rate of phosphate uptake is
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described by first order process dependent on the homogeneous
oxidation of Fe(II). At higher pH and temperature the
oxidation is heterogeneous and is no longer the rate deter-
mining step. The uptake at pH > 7.4 can be defined by the
second order mechanism as obtained in (d} above and

loglo k = -16.8 + 2,86 pH with an apparent activation energy
of 115 kJ mol~L,

(3) The uptake onto iron oxyhydroxides forming from Fe(II)
rich natural waters in saline media has rate constants

in good agreement with those of the model system., The
activation energies for these iron oxyhydroxides are 74.2 kJ
mol~! in seawater and 141.2 kK mol~! in distilled water.

This may indicate that the natural iron rich waters containing
both Fe(II), Fe(III) and other dissolved constituents have
different mechanisms for their adsorption processes in
distilled water and seawater.

(k) By calculating the rate constants using the arbitrarily
chosen standard mechanism the variation in rate of adsorption

for changes in pH, ionic strength and temperature can be

compared for both model and natural systems.
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4. SUMMARY AND CONCLUSIONS

In this final chapter the three areas of the study
will be drawn together to present the overall picture
obtained and show the inter-relationships found between
the separate investigations. The methods used will be dis-
cussed and the suggestions for further work listed. The
findings of the work will be put into perspective with
respect to natural water chemistry and water quality
control and the possible use of the results in fieldwork
presented.

4.1 Surface Characteristics and Phosphate Uptake

The studies on the synthetic iron oxyhydroxides have
shown significant differences in adsorption behaviour
arising from precipitate age and precipitates derived from
Fe(II) or Fe(III) sources. These differences can be linked
to the changes in surface character found and examined
using various techniques in this study. This suggests that
careful control of experimental conditions is required when
modelling adsorption processes in natural waters particularly
precipitate agé which is of considerable importance for the
surface area and the porosity of the oxyhydroxides. Con-
sideration of the specific type of nﬁtural iron precipitate
that is being modelled is important and it appears that
the freshly precipitated and those precipitating chemically
in the presence of other dissolved phases are the more
relevant systems, rather than weathered crystalline forms,

when considering the chemical and physical timescales
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involved in natural waters. Thus when modelling natural
adsorption processes the use of aged iron oxyhydroxides
should be limited to those aged for no more than a few
hours. Furfhermore, the use of iron oxyhydroxides precip-
itated directly from iron-rich natural waters in adsorption
studies should be treated with extreme caution as the
nature of the solid is very variable, In this study it
has been shown that precipitates obtained from acid mine
stream waters have a variety of characteristics»which appear
to depend on the composition of the original media. This
proﬁably highlights the omission of dissolved organic
matter from the models used for adsorption studies so that
attempted correlations between adsorption processes
involving synthetic and natural- -iron oxyhydroxides may
bear little comparison. Investigations on the effect of
humic acids upon the surface of a-FeOCOH have been made (91),
but whether similar interactions could occur in an estuarine
environment where D.O.C., and dissolved iron are precipitated
under similar conditions (112, 116) is not known. When
studying the interaction between phosphate and iron oxy-
hydroxide with reference to nutrient availability in soils
adsorption processes lasting for days and weeks may be
relevant but for the more dynamic natural water systems the
short term processes lasting only a few hours are more
significant.

The surface area investigation revealed that the adsorp-
tion of N2 involved a narrow-necked, wide-bodied pore

structure, commonly called "ink bottle pores", for the
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Fe(III) derived precipitates. The desorption of N, from

the body of these pores was delayed by the slower evaporation
from the constricted necks (217). The adsorption/desorption
of phosphate from am-FeOOH has been shown to exhibit
hysteresis when subject to pH changes (131). This pheno-
menon could be explained by the "ink bottle" shape of the
pores, assuming that the am-FeOOH has a similar structure
when in solution as when dried for surface area measurements,
which may contain a gel of water molecules which restrict

the diffusion of phosphate through the narrow necked pores.
This may apply to other dissolved constituents and has
important implications for buffering mechanisms as adsorp-
tion responds to pH changes comparatively rapidly whereas
desorption is retarded and may not occur at all.

The uptake onto iron oxyhydroxides forming in the
presence of phosphate is extremely rapid as the precipitates
formed are very active and have large surface areas which
could not be measured using the techniques described here.
Although iron and phospﬁate concentrations were maintained
at typical environmental levels, the competition between
phosphate and other dissolved constituents may reduce the
activity of the iron phases with respect to phosphate
adsorption. The uptake onto freshly precipitated Fe(II)
derived oxyhydroxides in distilled water appears to be
controlled by changes in the surface chaxge of the preci-
pitate although why it adsorbs when freshly formed and

not when aged for 20 h is not known. The absence of uptake
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onto the aged Fe(II) derived oxyhydroxide is thought to
arise from an electrostatic repulsion related to surface
charge with pHZ.P.C. = 6.2 and phosphate speciation. In

the case of other trace constituents which have a more
favourable electrostatic interaction through their speciation

uptake may take place,
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4.2 A Method for Predicting the Behaviour of Phosphate

in the Presence of Iron in Estuarine Media

As stated above, the rate of uptake of phosphate onto
freshly forming precipitates appears to be dependent upon
the rate of particle formation. A simple guide is required
to enable estimates for the time scales of the removal of
phosphate from solution to be made. Figure 4.2.1 demonstrates
the simple method chosen. The y-axis is the time taken for
maximum adsorption and this was selected since it removes
the problem arising from the desorption that occurs for
Fe(II) derived precipitates in distilled water., It is the
short term (2 h) uptake data that are examined here as these
represent the time scales that are important for estuarine
processes and also, in most cases, the adsorption was almost
complete. The purpose of such a diagram is that it can be
used in an applied way for the prediction of phosphate
behaviour in the presence of precipitating iron, bearing in

mind that the concentration of phosphate is 1.0 imol 1_l

and iron is 0.05 m mol 1!, It should also be noted that
the curve for uptake onto Fe(II) derived precipitates in
distilled water conceals the form of the adsorption profiles
at low pH's. There tends to be a delay of a few minutes
without any removal of phosphate followed by rapid removal
so that the time for maximum adsorption is =10 minutes at

PH = 6.5. There is no explanation for this behaviour as no

delay in the onset of precipitation was found in the

nephelometric study although the pH range used only went as
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Figure 4.2.1. Summary of phosphate adsorption data onto freshly
forming iron oxyhydroxides. A - Fe(III) derived
precipitates in seawater and distilled water;

X - Fe(II) derived precipitates in distilled water;
252. O - Fe(Il) derived precipitates in seawater




low as pH = 7.0. However, from this nomograph the
approximate time for phosphate to be removed from solution
by an input of iron can be estimated. For example in
seawater at pH = 8,0 removal will take =15 minutes if the
source of iron is predoﬁinantly Fe(II) or 1 minute if

the source contains predominantly Fe(III). Figure 4.2.2
shows the results of the uptake onto precipitate derived
from natural sources of dissolved iron, and the agreement
is very good. For each natural water the points lie close
to the model predictions. 7The iron precipitating from
Carnon River water adsorbs phosphate at an equivalent rate
to that for the Fe(III) model system, again indicating the
strange behaviour of this iron-rich acidic stream. The
analysis revealed predominantly Fe(II) while precipitate
behaviour and character indicate high Fe(III) content.
These are interesting results and warrant further investi-
gation although this source of iron rich natural water was
abandoned after 2 sampling trips because of its complexity
and confusing behaviour which perturbed the experiments
which were done to investigate certain parts of the adsorp-
tion. The time taken for precipitates forming from other
mine stream waters to adsérb the phosphate were usually
slower than the model at the same pH although at higher pH
values(pH = 7.5 - 8,0} good agreement was found. The
presence of dissolved organic matter could be the cause of
this behaviour as it has been shown to retard the rate of

oxidation of Fe(II) in some cases (53). It may also affect
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the surface charge; previous investigations on Goethite
have shown that adsorption of humic acids produce a
negatively charged particle even At high pH values (91).
In seawater and brackish waters (S = lszo) the possible
effect of organic matter would not be as great,as this
would be flocculated in the high ionic strength media,so
that it may have less effect on the oxidation and also
upon the surface character,Consequently,natural precipitates
forming in saline media generally follow the model profile.
The consequences of an acidic Fe(II) rich water or Fe(II)
inputs from sediment pore waters entering the seawater end
of an estuary could be the existence of dissolved Fe(II) in
the water column for up to 2 h resulting in the very slow
removal of phosphate and other dissolved constituents from
solution.

Finally, the two predictive diagrams-should‘be compared
to the results of the nephelometric study [Figure '4.2.3)
which is a repeat of Figure 3,2.9. In Figure 4.2.3 the
relative rates of particle formation of fresh precipitates
are shown for the two sources of iron examined. Comparison
of Figure 4.2.3 with Figure 4,2.1 shows a direct correlation
between the removal of phosphate from solution and the
appearance of the colloid. Thus the adsorption is strongly
linked to processes affecting the hydrolysis and oxidation
of Fe(II) and the hydrolysis of Fe(III) in solution. To a
large extent then, phosphate chemistry in estuarine media

will follow the behaviour of iron.
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4,3 Conclusions from Complete Study

The examination of three different aspects of the
behaviour of two iron oxyhydroxides has yielded the
following information.

(a) Amorphous FeOOH is formed by the addition of Fe(III) to
distilled or seawater and y-FeOOH is formed by the addition
of Fe(lIl). Both these oxyhydroxides have large surface
areas (in the range 97-234 m2 g-l) but their porous struc-
ture And surface characteristics are very different. The
rate of precipitate formation from Fe(III) is extremely ~
rapid at natural pH's in both distilled and saline waters,
whereas the rate of precipitate formation from Fe(II) is
controlled by the rate of oxidation of Fe(II) which is com-
paratively slow at the lower end of the natural pH range
and in high ionic strength media.

(b) The adsorption of phosphate onto aged Fe(III) derived
oxyhydroxides appears to be dominated by a physical
mechanism in seawater and is a chemisorption process in
distilled water. This is proposed from the adsorption at
equilibrium and the calculations of activation energies.
The adsorption processes studied are the relatively short
term reactions with equilibrium reached within 20 h in
seawater, and 2-3 h in distilled water. The rate and extent
of adsorption is enhanced in seawater possibly via a

. . . . . 2
mechanism involving the seawater cations, especially Mg +

and Ca2+. There is no adsorption onto the aged y-FeOOH

derived from Fe(II) in seawater or distilled water in the

257.




range 6.0 § pH ¢ 8.5, This is because the -FeOOH surface
may have a strong negative charge in this pH range and
consequently repels the negative phosphate species.

(c) The adsorption onto freshly forming iron oxyhydroxides

is controlled by the rate of particle formation. For Fe(III)
this adsorption is extremely rapid and no mechanistic or
kinetic information can be extracted. For Fe(II) the
process differs between seawater and distilled ﬁater although
in both cases the rate of oxidation plays an important part
in the adsorption process. In seawater uptake is relatively
slow and dependent on pH and temperature, but there is no
desorption. In distilled water the adsorption is rapid,

and complicated by a desorption resulting initially from pH
changes over a period of minutes and subsequently from
morphological changes over a period of hours. The desorption
is reversible and at least some part. of the adsorbed phos-
phate is labile and capable of responding to changes in pH
within a few minutes,

(d) The adsorption reactionsonto aged Fe(III) precipitates
in seawater and distilled water and fresh Fe(II) precipi-
tates in seawater have been quantitatively analysed using

a second order reversible reaction to give the following
relationships for the rate constants:

5.49 - 0.85 Jc in seawater

For Fe(III) log10 k

log;y k = 5.67 - 0.92 /& in distilled water
loglo k = 7.52 ~ 0.33 pH in seawater
log,q k = 9.19 - 0.64 pH in distilled water
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For Fe(1I) loglo k = -16.8 + 2;86 pH in seawater

Numerous attempts to calculate true rate constants that
were independent of the concentration of phosphate were
made but the equations and mechanisms used did not produce
the desired results. However the equations above clearly
indicate the relative dependence of each reaction upon pH,
and this could be important when examining rates of
adsorption both in estuarine systems and for water quality
control.

(e) Activation energies were calculated from experiments
carried out at 2°C and 15°C for both synthetic and natural
systems, For aged Fe(III) derived oxyhydroxides the
activation energy for uptake from seawater was zero but
was 31.9 kJ mol™} in distilled water.

For fresh Fe(II) derived oxyhydroxides the activation
energy for uptake from seawater was 115 kJ mol-l.

For fresh precipitates derived from interstitial water
activation energy was 74,2 kJ mol'l in seawater and 141.2
kJ mol™} in distilled waters.

These values indicate possible changes in mechanism for
the model systems and show to what extent the uptake onto
natural precipitates compares with that of synthetic oxy-
hydroxides.

(f) It was possible to analyse the adsorption of phosphate
onto fresh Fe(II) derived precipitates in seawater using
kinetic equations set up to examine the oxidation of Fe(II).
The equations were only found to fit at pH < 7.4 at 15°¢

and pH < 7.9 at 2°C in seawater and this was a result of the
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oxidation being a comparatively slow first order reaction
which limited the rate of uptake. Rate constants were
calculated from this data such that at pH = 7.1 and 15°C

log;o k = 1.3 x 10*! 72 atn~l min'l, at pH = 7,3 and 15°C

12 M-2 -1

log;o k = 3.7 x 10 atmn™ ! min~! and at pH = 7.9

10 -2 atm™t min—l.

and 2% log10 k = 5.4 x 10
(g) The nephelometric study indicated the relative rates

of precipitate formation for the various systems examined.
In the case of Fe(II)} the precipitation follows a two stage
reaction at pH » 7.6 in distilled water and at pH > 8.3 in
seawater. This appears to be the case when the rate of
hydrolysis and colloid formation is approximately twice the
rate of oxidation and this can only be so under conditions
favouring faster rates of oxidation. Apart from this
limited analysis the complexity of the particle formation

from Fe(Il) and Fe(III) sources meant that comparative

studies only could be done.
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4.4 Recommendations for Future Work

(a) The chemical model developed was kept as simple and as
reproducible as possible, the most important omission was
excluding organic matter from the fresh water analogue.
Further model studies with a well defined organic material
such as humic or fulvic acid should be done as a comparison
to the results of this work and perhaps as a better model

of the natural system,

(b) The characterisation studies concentrated on precipitates
formed in distilled water and a similar suite of experiments
could be done in seawater for both model and natural preci-
pitates,

(c) The characterisation of precipitates derived from inter-
stitial waters was limited by the very small quantities of
solid available., It may be possible to extract larger volumes
of interstitial waters by using box cores and extraction by
centrifugation or compression, and thus have sufficient
precipitate for surface area determination to be carried

out as well as the other characterisation techniques.,

(d) The Carnon River samples gave contradictory data between
their measured adsorption behaviour and that expected from
analysis of iron content, The phosphate analysis was also
found to be difficult and this natural water probably
warrants a separate investigation in its own right. The
measurement of Fe(II) may have to be done using a polaro-
graphic technique as well as the colorimetric as this has

been found to be the definitive method for measuring Fe(II)
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in the presence of Fe(III) (190),

(e) The original stimulus for this work arose from the
buffering mechanism hypothesised for results of a survey
of the Tamar Estuary (160). No desorption processes were
investigated in this study and the occurrence of this
phenomenon could be investigated for changes in phosphate

concentration, salinity and pH,
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ABSTRACT

The adsorption of phosphate onto iron oxyhydroxide precipitates
derived from ferric and ferrous iron is reported using conditions very
similar to those encountered in natural waters. The freshly precipi-
tated material derived from ferric iron is very active and the
adsorption is independent of pH, temperature and ionic strength,
whereas for precipitated ferrous iron the adsorption is strongly
dependent on all three factors. The aged (20 h) precipitates derived
from ferric iron show an adsorption behaviour which is independént of
temperature but which is dependent on pH and ionic strength. In
contrast the aged precipitates derived from ferrous iron showed no
phosphate uptake.
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INTRODULTION
The relative importance of freshly precipitated or aged iron
oxyhydroxides in controlliing the composition of ratural waters is not
fully understood despite extensive laboratory studies of the sorption

1-5 and cations®™10,

of both anions Iron-phosphate interactions in
various media have been investigated in some detailll'ls. Most workers,
however, have used synthetic precipitates prepared from ferric salts
and experimental conditions more representative of the high P and/or
Fe levels encountered in sewage and water treatment plants]6 than of
the natural environment. Furthermore, most studies involve the
precipitation of iron oxyhydroxide by the hydrolysis of ferric salts
whereas under natural conditions it is more cocmmonly precipitated
chemically by the hydrolysis and oxidation of ferrous compounds. In
the environment ferrous compounds are present at the oxic/anoxic
boundary in stabilised lakes and fjords, at the surface of anoxic
sediments and in acid mine streams. <Consideration of the solubility
products of ferrous and ferric hydroxﬁdesl7 indicates that the rate
of nucleation of ferrous hydroxide is much slower than ferric hydroxide.
This suggests that the precipitates derived from these two sources
will have different morphologies and possibly different surface
characteristics.
EXPERIMENTAL

The iron oxyhydroxides were formed by the addition of 0.05M
FeCl3,or FeC]2 to either filtered seawater or distilled water. The
latter contained a carbonate buffer of approximately 2m equivalents
to stabilise the pH at values within the range 6.5 to 8.3. The pH
was adjusted by the addition of 0.1M NaOH or HC1 and the maximum
variation of pH during the course of an adsorption experiment was
0.2 pH unit in seawater and +0.4 in distilied water. The experiments
were carried out in temperature controlled rooms set at 15°¢ and 2°C.
The iron concentration was 5 x lO'SM. 1 litre batches of solution
were used to reduce losses of iren to the walls of the vessel to <10%.
The precipitates were either freshly prepared in situ or aged for 20 h
in situ and in the case of Fe?* derived precipitates the samples were
stirred open to the air. The phosphate was then added in the form of
NaH2P04, to give a total phosphate concentration of 1 pM, which is
typical of levels in natural waters. The uptake of phosphate was
monitored over 2 h by removing 25 m] aliquots in a syringe and filtering
the sample through 0.45 um Millipore filters. The dissolved phosphate

was measured using the molybdenum blue complex, single reagent methodlg,
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using 10 cm cells at 885 nm on a Pye Unicam SP500 spectrophotometer.
A coefficient of variation of :5% was obtained during calibration runs
at a phosphate concentration of 1 uM. FAA analyses of the filtrates
for iron showed that, except for ferrous iron in seawater, all the
iron was retained by the filter. The surface areas of the two aged
iron oxyhydroxides prepared in distilled water were measured using
the B.E.T. nitrogen adsorption technique after washing the precipitate
with acetene and outgassing for 24 h at room temperature. The powder
X-ray diffraction patterns of the precipitates were obtained from a
Hilger-Watts Y90 X-ray diffractometer using a molybdenum source.
' RESULTS AND DISCUSSION
The ferric derived precipitate had a surface area of 232 m2 g

-1

which is in agreement with values found for amorphous iron oxyhydrox1des
19,20 , but which is relatively large compared to the value of 48 m g 1
reported for synthetic goethite (a-FeOOH) . The form of the B.E.T.
isotherm and hysteresis was consistent with narrow-necked pores of
size 2 to 20 nm. The X-ray diffraction patterns suggested a mixture
of poorly crystallised goethite and amorphous ferric gel. The ferrous

derived precipitates had a surface area of 121 m2 g']

with a more open
pore structure and pore sizes in the range 5 to 50 nm. The surface

area obtained for the ferrous derived material is consistent with that
of lepidocrocite (Y-FeOOH)Z] formed under similar conditions and the
precipitates formed in the present study had an X-ray diffraetion nattern
compatible with lepidocrocite.

The adsorption studies were mainly carried out at 15°C with some
experiments at 2°C and the pH range studied was 6.5 to 8.3. However,
only a proportion of the results are shown here. Figure 1 shows the
adsorption of phosphate onto fresh ferric and ferrous derived precipitates
in seawater (pHs 7.4 and 7.9) and distilled water (pHs 7.9 and 8.0) at
15%C. The ferric derived material is very active and the equilibrium
concentration which is reached within 5 minutes, is independent of pH,
temperature and ionic strength. In contrast the adsorption onto the
ferrous derived material is apparently linked to the rate of hydrolysis
2+. The results reported here show that the rate of
phosphate removal from solution decreases with increasing pH and
increasing ionic strength. Additional experiments at 2°C showed that
the removal is temperature dependent. The behaviour of the phosphate
. removal is similar to the known oxidation kinetics of Fe in solutiOn22
and the adsorption follows the appearance of the solid phase. The uptake

of phosphate in distilled water at pH = 8.0 was initially rapid and
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Figure 1: Phosphate adsorption onto freshly precipitated iron
oxyhydroxides at 15°C. The graph shows the concentration of dissolved
phosphate in the filtrate as a function of time. & - ferric iron in
distilled water and seawater; O ~ ferrous iron in seawater; (] -
ferrous iron in distiiled water.

comparable with adsorption onto freshly precipitated ferric derived
materiail, However, this uptake was followed by desorption with an
equilibrium value of 0.42 umole ! being achieved after about 20 h.
Initially the desorption is due to the PH changes as equiltibrium is
regained (i.e: 10 minutes) after the addition of the acidic FeCl2 but
in the longer term {20 h) it is thought to be physically induced by a
reduction in surface area accompanying the relatively rapid formation
of a more crystalline material. Similar trends were observed at other
PHs. In seawater the rate of removal by the ferrous derived precipitate
was strongly pH dependent and was generally much slower than that
observed for the ferric derived material. ’

Figure 2 shows the adsorption of phosphate onto aged ferric
and ferrous derived precipitates in seawater and distilled water over
the pH range 6.9 to 8.3, ai 15°C. For the ferric derived precipitates
the approach to equilibrium did not follow Ist or 2nd order kinetics.
Equilibrium was achieved in about 60 minutes and the approach to
equilibrium was temperature independent. The equilibrium value is
inversely dependent on pH which suggests that the adsorption may be
Tinked to the speciation of the anion and the charge on the surface.
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Figure 2: Phosphate adsorption onto aged iron oxyhydroxides at 15%¢.
The graph shows the concentration of dissoived phosphate in the
filtrate as a function of time. /\ - ferrous iron in distilled water
and seawater; @ - ferric iron in seawater; @E- ferric iron in
distilled water.

in seawater at pH = 7.5 the major form is HPOaz' while at pH = 8.2
there is 70% of HPO42' species and 30% of PO, - spec1es23 A
pHZPC = 7.9 has been obtained for iron oxyhydroxides in 0.1l NaNO3

but in seawater the surface charge character1st1cs may be conditioned

2+ and/or Ca 1ons24 If electrostat1c

1

by the co-adsorption of Iig

interactions are important then increases in the proportion of PO

. species would lead to an increase in electrostatic repulsion and a

decrease in adsorption. A similar hypothesis can be invoked for the

results in distilled water where below pH = 7.3, H2P04' is the major

form whilst above this value HP042° species become important23. Again

the adsorption could be explained by a change in phosphate speciation.

In contrast the aged ferrous derived precipitate is inactive in

both seawater and distilled water. Phosphate was not adsorbed at any

pH in the range 7.3 to 8.2, even when the experiments were extended

for a period of 60 h. The product of the hydrolysis and oxidation of
2+ has been identified, in this work and elsewherezz, as lepidocrocite

21 Thus, these experiments are carried out over

which has a pHZPC = 6.2
a pH range where the surface was probably negatively chargea so that

electrostatic repulsion could be an important controlling factor on
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phosphate uptake. This hypothesis may also be extended to explain
the adsorption of phosphate onto synthetic goethite (a-FeOOH)],
which has a pHZPC = 8.52].

Field studies of phosphate behaviour in natural waters tend to
suggest that a buffer mechanism maintains a constant inorganic phosphate
concentrationzs. However, phosphate removal has been observed in
the low salinity region of estuaries26 and in iaboratory simulation
experiments in which iron has been implicated in the removal mechanism27’28.
The results reported here suggest that there are important differences in
the behaviour of ferric oxyhydroxide obtained from ferrous and ferric
sources that must also be taken into consideration. This applies
particularly to those iron compounds which are freshly precipitated and
are highly active. The precipitation of Fe3+ removes about 90% of the
phosphate independently of pH, temperature and ionic strength. Ferrous
iron, remobilised from anoxic environments, also produces an active
fresh precipitate but in this case the adsorption, particularly in
saline waters, is less rapid and is dependent on pH, temperature and
jonic strength. Furthermore, the initial rapid uptake onto fresh
ferrous derived precipitates is followed by a slow desorption. The
uptake of phosphate by the aged ferric derived precipitates is dependent
on pH and ionic strength, whilist the aged ferrous derived precipitates
are inactive. This indicates that caution should be exercised in
making generalisations about the role of iron oxyhydroxides in controlling
the concentration of phosphate (and other trace components) in natural
waters. In particular much more attention should be focussed on the
behaviour of material derived from the hydrolysis and oxidation of
ferrous iron.
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