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Abstract

The kinetics of manganese redox reactions are important for understanding redox
cycles in natural waters. This study examined the kinetics of the homogenous
oxidation of Mn(II) and formation and disappearance of Mn(III) complexes.

The oxidation of Mn(II) was studied to determine the homogenous oxidation rate
in the absence of solid surfaces and biological activity. Experiments were conducted
at 35, 45, 50, and 60°C. The pH was 8.0. The reaction solution was prepared so that at
no time during the experiment was the solubility product of any solid phase exceeded.
Oxidized Mn was measured using leuco crystal violet dye reagent. Measurable rates
were observed for the 45, 50, and 60°C experiments. An Arrhenius expression was
fitted to the rates in order to extrapolate to 25°C. The second order rate constant for

the rate expression

_ d[Mn(ID)]
dt

= k-[Mn(D]-[0,]
was calculated to be 6.9 + 1.6 x 10-7 M-1s-1,

The kinetics of disappearance of Mn(III) complexes from aqueous solution were
studied. Complexes of pyrophosphate (P2074), ethylenediaminetetracetate (EDTA),
and citrate (CIT) were synthesized from MnQOj4- and a Mn(II) salt in a 1:4 ratio in the
presence of excess ligand. Concentrations of Mn(IIl) complex were monitored
spectrophotometrically. Experiments were conducted in the pH range of 6 to 9 for
pyrophosphate and citrate and 3 to 9 for EDTA. The total manganese concentration
was varied between 0.5 and 1.0 mM. Ligand concentrations were varied from 0.5mM
to 200mM. Experiments were also conducted to examine the effects of oxygen, light,
and ionic strength. Oxygen had a significant effect on only the citrate complex; ionic
strength affected only the EDTA complex. Light was found to be insignificant in all

cases.
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The Mn(1II)P20 7 complex was found to disappear from solution relatively slowly
providing the ligand was in at least ten-fold excess. Disappearance time scales were
on the order of 107 s. The Mn(IINEDTA complex reacted rather rapidly with time
scales on the order of 104 s. There were at least two Mn(IINEDTA complexes, a
protonated one more stable at low pH and an unprotonated one more stable at high
pH. The pKa of the complex appeared to be approximately 5.3. The rate of
disappearance of the Mn(IIDEDTA had a fractional dependence on pH, probably
indicative of an unknown pH dependent intermediate in the decomposition of the
complex. The rate was found to increase wiih increased EDTA, indicating that the
rate limiting step was an outer sphere electron transfer from Mn(IIDEDTA to an

excess EDTA. The rate law for the reaction above pH 6 was found to be

_ d[Mn(II)EDTA ]
dt

= k- [H+]0'31 [EDTAT]"> - [Mn(III)EDTA]

The Mn(III)CIT complex was found to undergo a redox cycle. The Mn(III)CIT
complex was reduced, forming Mn(II). The Mn(I) was then oxidized in the presence
of oxygen to re-form the Mn(III) complex. Both pH and ligand concentration were
found to have fractional orders in the rate expression, largely due to the competition
between the reduction and the oxidation and possibly complicated by radicals formed
by the reaction.

The dissolution of MnOOH by pyrophosphate, EDTA, and citrate was studied. A
MnOOH solid was synthesized by oxidizing Mn(II) with hydrogen peroxide at
elevated temperatures and high pH. The solid was identified by X-ray diffraction to
be B-MnOOH, with some contamination by Mn304. Throughout the dissolution
process samples were removed by pipette and filtered. The filtrate was analyzed

spectrophotometrically for the presence of Mn(III) complexes and total Mn. The



solids captured on the filter were analyzed by an iodine titration technique, coupled
with formaldoxime measurements to determine the average oxidation state of the
solids. The effects of pH and ligand concentration on rates were examined.
Pyrophosphate was found to dissolve the Mn(I1I) solids nonreductively, producing
the Mn(1ll) complex in solution. The dissolution reaction rate was dependent on
approximately the half power of [H*], possibly indicative of a surface binding ligand
binding on the surface. No dependence on the ligand concentration was found down
to a ligand:Mn ratio of 10:1, probably indicative of surface site saturation by ligand.

EDTA was found to dissolve the solids reductively with no Mn(III) solution
species being observed. The dependence on [H*] was approximately one half order,
possibly indicative of a surface binding.

Citrate dissolved the MnOOH solids in what appeared to be two steps. There
seemed ‘to be an initial stage of nonreductive dissolution, followed by a reductive
dissolution. The rate and duration of the two different stages depended on pH. The
dependence was slightly greater than first order in [H*], possibly indicating the
reaction becomes controlled by reactions of the radicals produced by oxidation of the
citrate.

This study has shown that Mn(III) complexes can be formed in pH conditions
relevant to natural waters. These complexes can be formed either through oxidation of
Mn(1I) by strong oxidants in the presence of stabilizing ligands or by dissolution of
Mn(I1I)-containing solids by stabilizing ligands. Once formed, the lifetime of these
complexes will depend on the nature of the ligand and chemical characteristics of the
aquatic environment. If the ligand does not rapidly reduce Mn(III) these complexes
can be powerful mobile oxidants which could significantly affect the local redox

environment.
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INTRODUCTION
1.1 Introduction

Manganese is one of the most important metals in the earth's crust. It is the second
most abundant heavy metal in the earth's crust (1) yet it becomes even more significant
because it is an essential nutrient for both plant and animal life. Mn has been found to be an
essential component of the photosystem II enzyme, one of the primary enzymes
responsible for electron transfer during photosynthesis(2). Herein lies one of the chief
reasons for the importance of Mn in the environment, its access to several stable or quasi-
stable oxidation states under natural conditions, namely the (II), (IIT), and (IV) oxidation
states. The most common species for these redox states include Mn2+(aq),
Mn(II)(OH)2(s), Mn(IDNCO3(s), Mn(IIIYOOH(s), Mn(II)Mn2(II1)O4(s), and Mn(IV)O2(s).
The oxidation of aqueous Mn(II) to Mn(IV)O3(s) is a process that involves all three
oxidation states. The sequence of Mn2+ oxidizin g to Mn304 to MnOOH to MnO7 has been
shown by Hem (3). Assuming oxygen is the sole source electron acceptor the balanced

equations become:

3Mn**(aq) + 10,(aq) + 3H,0 — MnyO,(s) + 6H' [1.1]
MniO,(s) + 1O,(aq) + 2H,0 — 3MnOOH(s) [1.2]
MnOOH(s) + +0,(ag) — MnO,(s) + 1H,0 [1.3)

The access to 3 different oxidation states allows Mn to act as a catalyst for many
oxidation/reduction processes such as photosynthesis. Mn can also play an important part
in the redox cycles of many other elements including carbon and some transition metals.
1.1.1 Mn{II)

Mn(1l) is the most common oxidation state of manganese found in most natural
systems including the oceans, rivers, and lakes. This points to one of the important features

of Mn(II), its ability to act as a reservoir for electrons. This is evident because Mn(II) is so



abundant despite being thermodynamically unstable with respect to Mn(IILIV)
oxyhydroxides in most oxic environments. The reason for this metastability is the
comparative ease of transferring an electron to Mn compared with the difficulty of
transferring an electron away.

Electron transfer to oxidized forms of Mn from many common electron donors to
form Mn(II) has been found to be rapid for many electron donors (4 - 7). These reactions
typically take place on time scales‘of minutes to hours.

Mn(II) on the other hand reacts only very slowly with the most common electron
acceptor, oxygen, to give oxidized forms of Mn. In fact, in the absence of solids and
bacteria, half-lives for the autoxidation of Mn(II) have been measured ranging from years
to essentially nonreactive in the range of conditions found in natural waters (8 - 10). Even
in the presence of biological mediation or solids the half lives are still on the order of days
to weeks, much longer than for most redox reactions(9,11 - 13). The end result is that
Mn(II) ends up serving as a pool for electrons between oxygen and various organic and
inorganic electron donors. |

Another important characteristic of Mn(Il) is its solubility. Mn2+(aq), the most
common form of Mn(Il), as well as most other Mn(1I) complexes, is much more soluble
than the common forms of Mn(II1) and Mn(1V) found in natural systems. In fact filtration
is often used to distinguish between aqueous Mn(II) and Mn oxides. Despite its high
solubility in comparison with oxidized Mn, Mn2+(aq) is still relatively insoluble. For
example under typical conditions found in oceanic waters the maximum concentration of
MnZ+ that can be present without exceeding the solubility of MnCQj3 is ten micromolar(10).
Although natural concentrations are typically much below this level it is an important
consideration in laboratory work. In fact it has been suggested that many of the known
kinetic studies on Mn(II) oxidation do not report the proper constants for homogenous
oxidation but rather report faster rates because of the supersaturation in many of these

experiments with respect to Mn(Il) solid phases(8).



1.1.2 Mn(V)

Mn(1V) is the thermodynamically stable oxidation state of Mn in most oxic
environments. The most common form of Mn(IV) is MnO»(s). MnO» has several common
mineral forms such as, MnOj and a—MnO3, which are found as coatings on many
natural particles and can also be found as MnO? colloidal particles. The fact that Mn(IV)
oxides are insoluble has allowed studies to examine the cycling between oxidized Mn and
Mn(II) in natural systems. Although it can be difficult to differentiate between different Mn
minerals, it has been shown that there is a cycle in the ocean and other redox active bodies
of water(14-16). Mn(II) is oxidized in oxic upper waters by either microbial oxidation or
solids catalysis of autoxidation. The formed oxidized Mn particles then settle through the
water column. In anoxic bottom waters Mn oxide particles are reductively dissolved,
rel‘easing Mn(1I). The Mn(II) then diffuses upwards until it passes above the oxic/anoxic
boundary where it is oxidized and again settles to the bottom waters.

Such cycling of Mn particles is of interest not only with respect to Mn but also for
the cycling of other trace elements. Many other trace elements have been found to be
affected by the cycling of Mn. One way Mn oxide particles affect the cycles of other
elements is through their strong oxidizing potentials. Mn(IV) oxides are strong oxidizers
with reduction potentials exceeding 1 V versus the standard hydrogen electrode(17).
Although potentials are lower at circumneutral pH, Mn is still one of the most significant
oxidants present in many systems, especially in suboxic zones. MnO»(s) has been found
capable of oxidizing a number of organic compounds as well as trace metals such as
Cr(1I1)(5-6,18-19).

In addition to acting as a strong oxidant Mn(IV) affects other elemental cycles by
acting as a carrier. Many trace metals have been found to adsorb preferentially to Mn oxide
particles. Thus when Mn oxide particles dissolve they also release many other trace metals
as well. Plumes of metals such as Cd, Ni, Cu, and Cr have been found associated With the

reduction of Mn oxide particles(20).



1.1.3 Mn(IID)
Mn(III) has long been thought to be of little importance in natural systems because
of its instability with respect to disproportionation, the reaction of 2 Mn(III) species to give

one Mn(II) species and one Mn(IV) species:

2Mn’*(aq) + 2H,0 — Mn?*(ag) + MnO, + 4H' [1.4]

Nevertheless, there has been interest in Mn(III) in the laboratory because of its strong
oxidizing ability. The hexaquo Mn(III) ion has a standard reduction potential of 1.5 V

versus the standard hydrogen electrode(17)

Mn3*(aq) + ¢ — Mn?*(aq) E° = 1.5V [1.5]

This high reduction potential has led to interest in the use of Mn(III) as an oxidant for many
different compounds.

Most of the earliest work with Mn(IIT) was done in highly acidic media. This was
necessary to shift the equilibrium of Reaction 1.4 sufficiently to the left so the Mn(III) was
present long enough to react with the reductant. Often ligands such as pyrophosphate and
oxalate were used with the acid to give additional stabilization to the Mn(IlI)(aq) species.
Early studies showed Mn(I1I) could oxidize such compounds as chloride, bromide , o-
hydroxybutyric acid, di-butylphenols, N-alkylphenothiazines, and NO2(21-26).
Eventually, studies began to find that in oxidation of some organic complexes little
additional stabilization of the Mn(IIl) was needed, as the organic seemed to form a Mn(III)
complex which was stable on the time scale of reaction. As it became evident that organic
compounds could stabilize Mn(IIl) with respect to disproportionation, complexation
became a more common form of stabilization, in some cases even allowing work at pHs

above the commonly used acidic media of pH O - 2. Mn(III) complexes with compounds



such as urea and porphyrins were found able to oxidize species such as Ni(Il) complexes,
H20»2, Co(lD) cbmplexes, EDTA, NTA, IDA, NCS-, and organic dyes(27-32).

Mn(III) complexes first became of interest in the natural environment in the field of
biology. The interest arose from work showing that certain plant enzymes involved in
oxidation processes contained Mn(33-35). Further study found that these enzymes could be
mimicked using Mn(II), a Mn(III) stabilizing ligand such as P2O7 and an oxidant such as
H207. When the photosystem II enzyme was found to contain 4 Mn atoms which
apparently react between the (II), (III), and (IV) oxidation states, interest in oxidized Mn
complexes increased greatly. Many organic Mn(III) and Mn(IV) complexes have been
synthesized in an effort to mimic the photosystem II enzyme(36-40). Another enzyme was
also found in lactic acid bacteria and white rot fungi which catalyzed the oxidation of lignin.
This too was found to work through the oxidation of Mn(II) to Mn(Ill) by H2O7 and the
stabilization of the Mn(III) by organic ligands(41-43). An enzyme-like substance
containing Mn and citrate has also been found in so0il(44).

Mn(IH) was also found to be an important intermediate in the reaction of Mn(Il) and
MnOy4- in the presence of oxalate. Several investigators have examined this reaction and
have found the mechanism to involve the oxidation of Mn(Il) to Mn(IIl). The Mn(III)
formed a complex with the oxalate which then degraded via internal electron transfer(45-
46).

Another area where interest in Mn(I11) arose was in atmospheric chemistry. Studies
examining the catalytic effect of Mn on oxidation of S(IV) by oxygen found that Mn(III)
was an intermediate. A mechanism was shown which involved oxidation of Mn(l) to
Mn(1II) by oxygen, followed by oxidation of S(IV) by Mn(III) complexes(47-50).

The finding that Mn(III) can be a long lived intermediate in natural systems has led
to a greater interest in complexes of Mn(III) for their own sake with the possibility being
raised of their existence and contribution to redox cycling in natural systems. Several

Mn(1II) complexes have been synthesized and characterized in the lab. Among these are



complexes with pyrophosphate, citrate, EDTA, CyDTA, biphenyl, salicylate, and
porphyrin(51-60) . Most work to date on such compounds has been concerned with
physical characterization. Molar absorptivities have been found for complexes with citrate,
pyrophosphate, and EDTA(51,55,56). A wide variety of Mn(III) complexes with aliphatic
alchohols, polyalchohols, and carboxylic acids have been studied electrochemically giving
reduction potentials for each complex(61-62). Structural information has been reported for
citrate, EDTA, P301¢, tris(acetylacetetonate) and some porphyrin complexes
(53,54,55,58,63-64). Equilibrium constants have been reported for EDTA and
pyrophosphate although there is some disagreement about these constants(55-56).

Less work has been done to characterize the kinetic behavior of such complexes.
One group has examined the reduction of the citrate complex both by citrate alone and in the
presence of hydrogen ‘peroxide(65—66). They have also examined the autoxidation of the
Mn(II) complex to the Mn(IIT) complex in the presence of citrate at high pH(67). Although
these studies report kinetic data, no effort was made to control pH and therefore the
constants reported have an unknown pH dependence. Barek et al. have examined reactions
of Mn(IIl) sulfate with citrate and oxalate. They however do not report any rate constants
and give only qualitative and stoichiometric data(50). Recently Kostka et al. have examined
the reduction of Mn(III) pyrophosphate complexes by Mn reducing bacteria, using lactate
or formate as electron donors, as well as S(IV) and Fe(I1)(68).

One study has tried to examine the existence of Mn(IIl) complexes in natural
systems (69). The study measured samples in the Chesapeake Bay using formaldoxime,
polarography, and o-tolidene. They claim that fénnaldoximc measures only the Mn(II)
while polarography measures total dissolved Mn. o-Tolidene measures total oxidizing
equivalents of the species in the water. They found that total dissolved Mn was greater than
Mn(II) and that there was oxidizing capacity of the water despite the absence of Fe(IIl) and
HO». They attribute this oxidizing capability to dissolved Mn(III). There is some debate

over this finding however. The same result could be explained by very small Mn oxide



particles. Also, not all oxidants were ruled out from being the source of the oxidizing
capacity. Although the study certainly raises the possibility of existence of such compounds
the question is far from answered.

1.1.4 Redox transitions

Although each redox state of Mn holds interest in its own right it is the transitions
between redox states that hold the most interest. Such redox reactions are of great interest
as they can often affect and even control cycling of Mn as well as the forms and transport
of other elements. In some environments the redox reactions of Mn can control the redox
state of the local environment. This is true in suboxic zones where oxygen is depleted and
other contaminant oxidants such as hexacloroethane are absent. Here Mn(III/IV) now
becomes the strongest oxidant, and the reduction and oxidation of Mn(III/IV) determines
the redox conditions of the local environment. Also, in the case of some trace elements, Mn
is the only oxidant powerful enough to oxidize certain compounds. For example,
Mn(III/IV) is the only oxidant which can oxidize Cr(III) on a time scale relevant under
natural conditions (70-73).

Redox transitions are also important in determining the form and transport of both
Mn and other compounds. Because Mn(I1I) and Mn(IV) form solid oxides they are much
less mobile than Mn(1I). Mn(1II) complexes, however, would be a much more mobile
oxidant than a solid oxide of Mn(IIl) or Mn(IV). Reduction of oxidized Mn solids can also
be important in determining the fate of adsorbing organics and trace metals(74). Therefore
in natural systems it is important to know both the oxidation state and the physical state of
Mn and the time scales for transition between the various states.

The time scales of such redox transitions are important in determining the fate of
pollutants. For example a sluggish reaction could mean that certain organics are unaffected
by Mn oxides even if the reaction is thermodynamically favorable. Even when the reduction
reaction is rapid, if the oxidation of Mn(Il) is slow then the ability of the Mn(III/IV) to

oxidize is limited to the amount of oxidized Mn present, as each Mn oxide can take up at the



most two electrons per manganese. If on the other hand the oxidation of Mn(Il) is rapid and
the reduction of oxidized Mn is also rapid then there exists the possibility of a catalytic
cycle. Here manganese acts as a shuttle for electrons, accepting them from various
reductants and losing them again to oxygen. As long as oxygen is present in this case Mn
will continue to oxidize the reductant catalytically provided other conditions of the reaction
remain constant.

The oxidation of Mn(II) to Mn oxides by oxygen is one of the most studied of these
reactions. Early work noted that the reaction was slow except at very high pH(75). Later
studies found the reaction to be autocatalytic in nature and to have a 2nd order dependence
on hydroxide ion(76,9). Once the autocatalytic nature was found, the focus shifted to the
nature of the catalysis. It was found that oxide surfaces were the cause of the increased
oxidation rate. Rate constants and rate laws were reported for these processes in the
1980's(9-13). Recent work has focused largely on the mechanistic details of oxidation at
the surface. Spectroscopic studies have found different mechanisms depending on the
surface involved. Reactions have been found to form either uniform precipitates over the
entire surface or precipitates that propogated along step imperfections on mineral
surfaces(76-77). A great deal of work has also been done to measure the oxidation rate of
Mn(II) by microbes. Studies have found greatly accelerated rates of oxidation in natural
systems on the time scales of hours to days(78-81). Some work was also done examining
the products of the oxidation of Mn(II). It was found that oxidation proceeded through
Mn304 to MnOOH and only very slowly td MnO2(3,82-88). It has been found for these
Mn(I11) containing products that Mn(IIT) dominates the surface and any Mn(II) present is in
the interior(81). Very little work has been done to examine the homogenous oxidation rate.
A few studies have been done around pH 9 in NH3 buffers(9-10). One study has examined
air oxidation at pH 8 in the absence of solids and bacteria and found none on a time scale of

7 years(8).



1.2.0 Scope of this Study

This study has examined some of the unanswered questions concerning redox
transitions of Mn(II) and Mn(III). The kinetics of reactions of Mn(II), Mn(IIl), and Mn(IV)
have been studied to better determine which processes may be significant in various natural
environments.
1.2.1 Homogenous Mn(II) autoxidation

The first of these questions is: what is the homogenous oxidation rate of Mn(II)?
This is important for determining the relative importance of biological activity and solids for
rapid cycling and will allow some prediction of required time of Mn oxidation in areas
where neither biological activity nor solids catalysis is present. Studies have been done at
elevated temperatures to allow the experiments to be completed in reasonable amounts of
time with concentrations allowing reasonable degrees of accuracy. Using a number of
higher temperatures allows calculation of the activation energy for the reaction. The
activation energy is then used to extrapolate to lower temperatures.
1.2.2 Mn(III) complexes

The next question is the time scale for existence of the Mn(IIl) oxidation state as a
solution species in the environment. To address this question the rates of disappearance of
Mn(III) complexes have been studied. The effects of pH, oxygen, ligand, and metal
concentration have been studied to determine what conditions might allow Mn(III) to exist
as a meta-stable species. Such species, although as yet not directly detected in natural
environments, would be extremely significant even if only stable for a time scale of minutes
to hours because of their strong oxidizing ability and high mobility.

The last question concerning natural occurrence of Mn(III) complexes concerns
possible sources for formation of Mn(III). Although biological processes are certainly one
possible source, the possibility of leaching of Mn(III) from the solid phase has not been

addressed. The existence of Mn(IlI) oxides as long lived intermediates and the dominance



of Mn(lII) at surface sites suggest that Mn(IIT) may indeed be available for complexation

and release into solution. This study examined the kinetics of such processes and the

factors which affect those kinetics.
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EXPERIMENTAL METHODS
2.1 Introduction
2.1.1 Total Mn

In order to examine the redox reactions of manganese in agueous solution,
methods are needed to detect all three oxidation states as well as total Mn. A number
of reliable methods exist for detection of total manganese. For concentrations down to
the micromolar level, several spectrophotometric methods are available. These were
compared in a paper by Morgan in 1965 and include the formaldoxime method and
the permanganate method as the most common (1). Concentrations at the micromolar
level or lower require more sophisticated methods. Although some
spectrophotometric techniques can be used by adding a preconcentration step, such as
adsorption onto a cation exchange column or through the use of kinetic techniques, in
general mass spectrometry is the most widely used technique for low concentrations
of Mn (2). ICP-MS mass spéctrometers can detect nanomolar levels with relative
ease, and with proper cleanroom techniques and preconcentration steps, detection can
go even lower.

2.1.2 Mn(II)

Unfortunately, fewer techniques exist for the detection of specific oxidation
states of Mn. Mn(II) is probably the easiest oxidation state to detect. Several methods
exist that can detect Mn(II) at micromolar or submicromolar levels. ESR is one
method that is specific for Mn(II) (3,4). Several methods also exist which are based
on the catalytic behavior of Mn in oxidation reactions. By measuring the extent of
catalysis of a dye oxidation reaction the amount of Mn(Il) can be calculated(5,6).
Despite the existence of such methods, in the field a common way of determining
Mn(ID) is by difference. Since Mn(Il) is usually the most abundant form of Mn it is

often easier to determine oxidized Mn and total Mn and subtract to find Mn(II). This
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can yield accurate measurements of Mn(II) providing the method for detecting
oxidized Mn is accurate.
2.1.3 Oxidized Mn

Even fewer sensitive techniques exist for detection of oxidation states above
Mn(II). The earliest studies used solubility differences between Mn(Il) species and
Mn(1II) and Mn(IV) oxides. Often the samples were filtered and total Mn
measurements were done for both the filtrate and the filtered solids. The filtrate was
then considered to be Mn(II) and the filtered Mn was considered as Mn oxide solids
of either the (III) or (IV) state. Most early studies used 0.2um filters. Later it was
realized that smaller pore sizes are needed to exclude colloidal Mn oxides. Although
this method is effective if small enough pore size filters are used, it does not
differentiate between III and IV solids, it does not include the possibility of soluble
oxidized Mn and does not take into account the possibility of Mn(1I) absorption to
oxide surfaces.

A more specific approach for detection of Mn(III) and Mn(IV) is offered by
redox based techniques. These techniques are also unable to differentiate Mn(1II) and
Mn(IV). Instead they measure the equivalents of oxidizing capacity greater than
Mn(1I). Therefore the total concentration obtained from one of these techniques is
equal to the concentration of Mn(III) plus twice the concentration of Mn(IV). The
simplest of these techniques is the iodine titration method. This technique involves
adding iodide and sulfuric acid to a solution of oxidized Mn. The Mn(IIl/IV) then

oxidizes the iodide according to the reaction:

_ X+ ut (x-1)+ 1 )
I" + Mn ———3 Mn + -2—12 [2.1]
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where x = 3 or 4. If x = 4 then the reaction will proceed twice to give Mn2*. The
formed iodine is then titrated with standardized thiosulfate. The total equivalents of

oxidized Mn are then obtained from:

V8203 * NSzO3
Vs

[Mnox] [2.2]

where [Mnox] is equivalents of oxidized Mn per liter, Vs203 is the volume of
thiosulfate added, Ng203 is the normality of thiosulfate added, and Vg is the volume
of sample. This technique has been used mainly for measuring oxidation states of
solids. It has not been used for soluble Mn(III) or Mn(IV) complexes. Attempts to do
so in this study proved unreliable because of poor endpoint resolution.

There are also several dyes which work on a redox basis. These dyes consist
of a colorless compound which, when it loses one electron, forms a colored
compound which can then be measured using spectrophotometry. Such dyes include
o-tolidene, leuco crystal violet, leuco malachite green, and leuco beurbelien
blue(1,5,7). o-tolidene is the most popular of these dyes as it seems to be the most
stable. Leuco crystal violet (ILCV) has a higher molar absorbance than the o-tolidene
and is able to reach a lower detection limit; it is generally less stable, however, and
must be remade frequently to avoid blank problems. All of the redox based methods
are subject to interferences from other strong oxidants such as Fe(III), Cr(VI), H2O»,
and O3. In general, however, these are only important if the concentration of oxidant
is much greater than the concentration of Mn. Even in these cases the reaction with
other oxidants is generally much slower than the reaction with Mn.

To date, there are no techniques that can distinguish the (III) or (IV) states of
Mn. Detection of these oxidation states is limited to those compounds which have

measurable absorbances. Most Mn(I1I) complexes do absorb in the UV-visible region;
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however, they also have low molar absorptivities which do not allow for detection
much below the hundred micromolar level.

2.2 Methods used

2.2.1 Total Mn

This study used the formaldoxime method for determining total Mn. The
method was chosen for its simplicity of use and the ability to do measurements in real
time as opposed to storing samples for later analysis. The method is also able to
detect all 3 oxidation states of Mn, including solids if given adequate time for
dissolution. For the concentrations used in this study the molar absorptivity of the
formaldoxime was more than adequate to measure total Mn. The only case where
formaldoxime was not used was with EDTA. This was because the formaldoxime
could not compete with the EDTA to complex the Mn and no color was formed.
Therefore in experiments where EDTA was used all total Mn measurements were
done using the ICP-MS.

The formaldoxime method required sample volumes from 0.05ml to 2 ml,
depending on the expected concentration of Mn. The sample was added to a 1 cm
quartz spectrophotometric cell and the volume was then made up to 3 ml with pH 9.1
NH3 buffer. The buffer consisted of 10.7 g of NH4Cl and 2.9 g of NaOH in 100 ml of
deionized distilled water. 0.05 ml of dye were then added to the solution and about 5
minutes was allowed for the color to form. The absorbance was measured at 450 nm.
A calibration curve for formaldoxime is shown in Figure 2.1.

2.2.2 Oxidized Mn

In experiments examining the oxidation of Mn(II), the leuco crystal violet dye
was chosen to measure oxidized Mn. It was chosen because the increased absorptivity
was required for the low concentrations of Mn used. Concentrations of Mn were held
low so as to avoid supersaturation with respect to rhodocrosite (MnCO3)

precipitation. The dye solution is made using (.01 g. of the lueco crystal violet dye
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with 9 ml of deionized distilled water and 1 ml of 1 M HCI. The dye solution was
prepared in small volumes and made fresh every day because it oxidizes slowly in the
presence of oxygén, leading to blank problems. This oxidation by oxygen is slow,
however, and does not interfere with Mn measurements. The method consisted in
adding 0.5 ml of the dye solution, to 1.25 ml of pH 4.0 acetate buffer and 25 ml of
sample in a 10 cm. spectrophotometric cell. The absorbance was then measured at
591 nm. A sample calibration curve is shown in Figure 2.2. A calibration was done
each time the method was used because of the instability of the dye and problems
with blank reproducibility. Calibrations were done using a Mn oxide synthesized by
adding MnO4~ and Mn(II) in a 1:1.5 ratio. Interference studies were done with
Cr(VI), Fe(Il), HyO7, and Cu(II). Only Cr(VI) and Fe(Ill) produced any significant
interference, and this was only an increase of 0.05 absorption units for concentrations
of interfering metal on the order of hundreds of micromolar. Even this increase was
slow and could be distinguished from the much quicker formation of color due to Mn.
For this reason all measurements were taken within 5 minutes of adding the dye.

In cases where the oxidized Mn concentration is expected to be below 100nM,
such as in many natural environments, an extraction technique was used to
concentrate the sample. The method is an adaptation of the one proposed by Kessick
~et. al.(7). 25 m] of sample are added to a 60 ml polyethylene bottle with 1.25 ml of
buffer and 0.5 ml of dye. Then 5 ml each of isobutanol and toluene are added. The
mixture is then shaken vigorously for about 30 seconds. The organic layer is allowed
to separate and then is pipetted into a spectrophotometric cell and the absorbance at
591 nm is measured.

For experiments involving Mn oxide solids the iodine titration method was
used in conjunction with the formaldoxime method to determine the average
oxidation state of the solid. The method is an adaptation of the Winkler method for

determining oxygen. It was adapted to the examination of Mn oxide particles by
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Murray et. al.(8). The method involves adding a sample of filtered solids to 50 ml of
de.ionized distilled water. To that was added 1 ml of Nal solution and 2 ml of 20%
H2S0Oy4. The solution was stirred until all the solids were dissolved. The yellow
colored solution was titrated using 0.1N Na2S5203. When the solution became a very
pale yellow a few drops of starch solution were added to give a sharper endpoint
determination. Before use the thiosulfate was standardized every day using a 0.1N I
solution. After the titration the solution was measured for total Mp by the
formaldoxime method. The method was found to work well with solids but presented
difficulty with Mn(III) complexes because of poor end point resolution due to an
apparent reformation of the complex during titration.
2.2.3 Mn(III)

All Mn(III) complex concentrations were measured spectrophotometrically.
The ligands were chosen for the known absorptivities of their Mn(III) complexes in
the UV-visible range. Samples were taken directly from the vessel, filtered if
necessary, and then absorbance was measured at the appropriate wavelength. Several
different spectrophotometers were used for this study. A Shimadzu double beam
spectrophotometer with a 10 cm quartz cell was used for the oxidation experiments. A
Shimadzu portable spectrophotometer was used for the solution phase Mn(III) work
using either a 5 or 10 cm quartz cell. A Hewlett Packard diode array
spectrophotometer was used for the solid dissolution experiments.
2.2.4 pH of zero point of charge

pHpc (isoelectric pH) of the MnOOH particles was determined using an
electrophoretic mobility cell to measure particle velocities at different pHs. The
velocity measurements were done using a Rank Brothers Mark II electrophoretic
mobility cell. A diagram of the cell appears in Figure 3. It consists of a thin
rectangular glass cell across which an electric potential can be applied. Particles were

viewed through an eyepiece which could be focused to within 0.001 cm. and had a
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grid superimposed. Particles could then be timed for the length of time it took to cross
one grid space. Care had to be taken because particle movement sets up currents in
the cell. The fluid moves in the direction of the particles in the center of the cell and
then returns along the walls. In order to obtain the true particle velocity it is necessary
to find the stationary surface where the drag and velocity cancel each other and the
fluid is motionless. According to theory the stationary surfaces are given by the

equation:

1

2
= 0.5 - [0.0833 + -3—2—(—1— [2.3]
1

3

d
where s is the position of the stationary surface, d is the thickness of the cell, and 1 is
the length of the cell. According to the formula these surfaces should be 0.2mm from
the cell walls in the instrument used. The stationary surface was hard to find,
however, because it was not always easy to determine the exact location of the cell
wall. The only way to determine the cell wall location was to try to focus on
imperfections in the glass, as it is clear and otherwise undistinguishable from the
water in the cell and the bath. It was not always easy to distinguish glass
imperfections from out-of-focus particles. Therefore the location of the surface was
checked. One way of checking the surface location was by measuring the mobility
with the cell polarity in alternating directions. Because the stationary points should be
unaffected by direction of flow they should be the least affected by changing polarity.
Points away from the stationary point may be affected especially because the
electrical current changes much faster than the water currents. Also, by knowing the
cell walls are 1mm apart then it can be calculated that the stationary surfaces should
be 0.6mm apart, which is another check. Therefore measurements were made all the

way across the cell and the points where the mobilities were nearly equal in both
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polarity directions and were about 0.6mm apart were used to obtain the mobility. A

sample plot of mobility versus position in the cell is shown if Figure 2.4. It can be

noted that although particles were not visible across the entire Imm thickness of the

cell and thus could lead to an erroneous identification of the stationary surface, using

this method does indeed locate stationary planes that are 0.6mm apart as predicted by

theory.
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Figure 2.1
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Figure 2.1. Formaldoxime Calibration Curve. The absorbance of formaldoxime dye at
450 nm versus the concentration of total Mn present. Regression line used for
calculating concentrations is shown. Measurements were done using a 1 cm quartz cell
on a Hewlett Packard diode array spectrophotometer. Mn was added as the Mn(NO3)?2
salt.
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Figure 2.2
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Figure 2.2 Leuco Crystal Violet Calibration Curve. The absorbance at 591 nm of the
leuco crystal violet dye versus the total equivalents of oxidized Mn. A regression line is
shown for the data. Differences in points at the same concentration show the scatter in
blank values. Oxidized Mn was added as a Mn oxide produced by reacting Mn(II) with

MnO4" in a 1:1.5 ratio.
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Figure 2.3
Top View of electrophoretic mobility device
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Figure 2.3. Top view of electrophoretic mobility device. Current is passed through the
electrodes in either end of the rectangular cell. The entire cell is immersed in a cooling
bath. The position of the eyepiece can be positioned with the use of a micrometer.
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Figure 2.4
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Figure 2.4. Sample data for electrophoretic mobillity measurements. The time it took
Mn oxide particles to cross one grid space versus the lateral position in the cell. Cell
position is in mm and is on an arbitrary scale. The @s represent mobilities measured
with the positive charge on the right electrode. The #s represent mobilities measured
with the positive charge on the left electrode. The exact positions of the cell walls on
this scale are unknown, but are probably around 14.4 and 15.4 mm. The cell thickness
is lmm. The actual particle mobility is the mobility at the stationary planes. These
planes were chosen according to the criteria discussed in section 2.2.4 to be at
15.15mm and 14.6mm. The inverse velocity is 8.5 sec/grid which gives a mobility of
0.117 grid/sec. The planes are close to being 0.6mm apart as predicted by theory
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HIGH TEMPERATURE Mn(IT) AUTOXIDATION
3.1 Previous Studies

Oxidation of Mn has been of much interest in the study of the geochemical
cycling of Mn,' as it is one of the determining factors in Mn removal from the water
column. Most early studies were laboratory based. Nichols and Walton studied the
reaction at pH 8.4 - 9.6 and found the reaction faster at higher pH and dependent on
oxygen concentration(1). Later Morgan found the reaction to be autocatalytic and also
found the rate to be second order with respect to hydroxide ion. Morgan proposed the

rate law (2):

ﬂ“%@l = o ]2[02][1\4“(11) | - k[ Mnox Jorr ]2[02][1\411(11) | B

where [Mnox] is the concentration of oxidized Mn and k7 is much larger than kj.
Studies by Hem (3) and Sung and Morgan (4) identified the source of the
autocatalysis as the surface of the formed Mn oxide. It was found that the reaction
was catalyzed by both the surface of formed Mn oxides and the surface of Fe oxides.
The rate equation was found to depend on the available oxide surface area and could
be made pseudo first order with respect to Mn(II) if the solid surface area was high
enough. Later Davies and Morgan (5) showed that other oxide surfaces, such as
Al2O3, could catalyze the reaction and that competing cations could slow the reaction
rate. They proposed a rate equation for the heterogenous oxidation of the form:

dMnan] _ k-a-pOy-(= SOH)- [Mn**|

dt [H+]2

[3.2]

where a i1s the concentration of solids in g/l, and <=SOH> is the concentration of

surface hydroxyl sites in moles/g solids. Wilson (6) also showed the existence of
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surface catalysis by MnO7 as well as the ability of organics to inhibit the reaction.
These studies made it evident that the amount of surface sites available for binding
Mn(II) is an important factor in determining the rate of reaction. It also became
apparent that in the absence of mineral surfaces the homogenous reaction of Mn(II)
with dissolved oxygen was extremely slow.

The Hochella group (7.8) and others recently began to explore the nature of
the autocatalysis by surfaces. Using spectroscopic and microscopic techniques they
examined mineral surfaces and studied the oxidation by oxygen on them. They found
two major types of oxidative growth of Mn oxides on the surface. One consisted of a
uniform layer of precipitate and the other of precipitation and growth along steps and
ridges. The type of precipitation and growth observed depended on the. mineral
surface. Fe surfaces tended to produce layers while silicate surfaces gave ridges of
Mn(III) oxides.

Studies examining the oxidation of Mn in the field found that many oxidation
rates in natural environments were much faster than could be explained by invoking
surface catalysis (9-13). It was soon found that several microorganisms catalyze the
oxidation of Mn(II). Tebo and Emerson (11) found that binding sites were an
important component of the rate equation. Half lives for oxidation by microorganisms
were found to be from 12 hours to a few days, much faster than the time scale of
weeks for surface catalysis. Thus in many natural systems Mn cycling can be
controlled by microorganisms.

The products of abiotic Mn(II) oxidation were found to be mostly Mn(III)
containing oxides. Stumm and Giovanoli (14) found the product of oxidation at pH 9
to be y-MnOOH and postulated a Mn304 intermediate. They also noted the product
was colloidal and would be difficult to detect in natural environments. Hem examined
the nature of the products of Mn(Il) oxidation(15-17). He found a sequence which

“went from Mn(Il) to Mn304 to B-MnOOH and then very slowly to MnO». At low
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temperatures the Mn3O4 phase was not formed and MnOOH was found to form
directly from Mn(II). A spectroscopic study by Murray et. al. (18) confirmed the
sequence:

Mn,O4 — B-MnOOH — y-MnOOH — MnO,.
They also found that Mn(III) dominated the surface of the hausmanite intermediate,
showing that the oxidation is a surface process.

The reaction of Mn(II) with oxygen in a homogenous system is so slow that it
has not been well studied. Some of the earlier experiments using ammonia buffers
were undersaturated with respect to solid phases (2,5) and homogenous oxidation
constants were estimated. Some question has been raised, however, whether in the
adding of the ammonia, the pH rose above 9 and caused a temporary supersaturation
with respect t0 Mn(OH)»>. Diem and Stumm (19) did a study where a homogenous
solution at pH 8.4 was monitored for 7 years and found no measurable quantity of
oxidized Mn in the absence of surfaces or bacteria.

3.2.0 Current Study

This study has examined the homogenous autoxidation of Mn(II) at high
temperatures in order to determine more accurately the homogenous oxidation rate of
Mn(II). This allows better quantification of the effects of catalysis and enables better
calculations of rcquired times in oxidation reactions.

3.2.1 Solubility Considerations

Great care had to be taken to insure that the system remained undersaturated
with respect to all solid phases. At a pH of 8 this is not too much of a problem for
Mn(OH)». This study; however, used a CO; buffer. Therefore steps had to be taken to
avoid supersaturation with respect to MnCO3. Carbon dioxide - bicarbonate buffers
were used because they buffer well in the region of interest, do not bind either Mn2+
or the products appreciably in aqueous solution, and are representative of the

chemical environment of most natural waters. A solubility diagram for the carbonate
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system is shown in Figure 3.1. The main phase near pH 8 is MnCQO3 The Ky of
MnCOs3 at 25°C and I = 0.5mM is 10-103, The ionic strength comes largely from the
NaHCO3 added as buffer which is present at a concentration of 0.48mM.Therefore

for an open system:

log([Mn**]- Pco, - Ky K - K,
(]

log(“Kso) = log([Mn**]-[cO%7]) = [3.3]

Where Ky is the Henry's Law constant of CO7 and K and K are the first and second
proton dissociation constants of HyCO3*. So for exposure to the atmosphere and a pH

of 8.0 the saturation concentration for Mn is:

logfMn**| = -10.3 - 2#8 + 35 + 1.5 + 63 + 103 = -4.7 [3.4]

Therefore the maximum allowed concentration of Mn is 10-4.7 or 2 x 10-5 M.
Concentrations were kept at 10-5 M for all experiments. Care also had to be taken in
order to prevent a temporary supersaturation during mixing. To avoid this the reaction
was started by adding a slightly acidic concentrated Mn(II) solution to a larger
volume of buffered water at a pH just above 8. The acidified solution was made by
adding to one liter of water 0.037 g NaHCOj3 along with 2.7 ml of 0.0186 M
Mn(NO3)2 in 10% HNO3. The reactor was equilibrated with 1250 ml of CO/HCO3-
buffer, made by adding 0.046 g NaHCO3 to 1.25 | of water, giving a solution of pH
8.1. Once the buffer in the reactor reached equilibrium, 250 ml of the acidified Mn
solution was added to the reactor. Generally there was an acid spike as the Mn was
added to begin the reaction. The spike normally took a few hours to rebound to the
desired pH of 8.0. There was some drift in the pH after the pH of 8.0 was attained, but

the pH was within + 0.1 pH units of 8.0 for most of the experiment. One exception
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was the 60°C run. Here there was a significant rise in pH, of about a half a pH unit,
over the experiment. This may have been caused by concentration of alkalinity due to
evaporation.

The reactor pH for the 50°C experiment is shown in Figure 3.2 and is typical
of the pH behavior of solution during the oxidation experiments. It shows an acid
spike to pH 7.44 at time zero followed by a rebound to pH 8.1. That spike and
rebound is followed by another depression to pH 7.85 and a slow rise to pH 8.1. The
second drop after the initial spike and recovery could be caused by protons produced
by oxidation of Mn, by an increase in CO» taken into the solution, or by error in the
pH meter. The increase in CO1 is unlikely as it would require a 50% increase in Pco2
to achieve that significant a pH drop. The acidity from oxidation is also an
insufficient explanation. Even if all the Mn were oxidized it could not account for that
large a pH change. Therefore it would seem this downward drift is error in the pH
meter itself. The later upward drift is most likely a concentration of the alkalinity by
evaporation. It would take approximately a 40% concentration of alkalinity to account
for the observed rise. The concentration factors observed ranged from 33 to 47% in
the experiments. Therefore the upward drift can be accounted for by evaporation,
although the pH meter instability must also be considered.

3.2.2 Experimental Method

All reactions were run in a jacketed glass reaction vessel. Temperature was
controlled to within 0.2 °C by a circulating water bath. The reactor had a lid to keep
out atmospheric fallout of dust and other particle sources and also to limit
evaporation. Evaporation was found to be significant in the 45°C run. Therefore for
all subsequent runs a condenser was attached to the top of the reactor. Even with the
condenser in place there was significant evaporative loss. The water was weighed
before and after the experiment and the evaporative loss determined. Concentrations

were corrected assuming a constant loss rate. The loss rate of water ranged from 7 to
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13 g of water per day. The loss corrections were made by multiplying the measured
concentration by the ratio of volume of water in the reactor at the time of the
measurement to the total initial volume of the reactor. Reactions were started by first
bringing 1250 ml of the buffer solution to the desired temperature. The reactor was
stirred, with a magnetic stir bar, strongly enough so there was a slight vortex at the
surface of the solution. Once pH reached equilibrium, which typically took about a
day, the Mn was added and the experiment begun.

Samples were withdrawn daily to monitor the extent of oxidation. Each
sample was 25 ml and withdrawn using an acid cleaned glass pipette. Samples were
then acidified using 901l of 0.1 M HNOs3 and stored at room temperature. The
acidification and lower temperature preserved the samples from further oxidation
until they could be analyzed for oxidized Mn. The final pH of the preserved samples
was about 5 which is sufficient to stop oxidation but not so low as to cause reduction
of oxidized Mn.

The pH was monitored using a radiometer glass electrode. The instrument has
a temperature knob which was used to calibrate the electrode for higher temperatures.
The electrode was calibrated in pH 7 and pH 10 buffers at room temperature with the
temperature knob set at 25°C. The knob was then turned to the appropriate
temperature for the experiment being conducted. The correctipns for the temperature
dependence on the slope of pH versus voltage was then automatically accounted for
by the instrument.

Oxidized Mn was detected by the LCV method described previously.
Standards were run with each analysis, including blanks at the beginning and the end
of an analysis run. Experiments were typically conducted for a period of 2 to 3

months.



3.3.0 Results
3.3.1459C

Runs were conducted at 35, 45, 50, and 60 °C. No appreciable oxidation was
found‘at the 35°C run over 3 months. All other runs showed some oxidation over the
duration of the experiment. Figure 3.3 shows the concentration of Mn(II) versus time
for the 450C experiment. There is some scatter in the data, probably due to scatter in
blank values and instrumental noise. Yet there is a definite trend above the noise that
indicates that oxidation did indeed occur. An exponential fit was done to the data in
order to determine the initial psuedo first order rate. Several outlying points were
disgarded from the curve fit to determine the rate constant. These were all points that
were much higher in absorbance than the rest of the points. This is most likely due to
either blank problems with the LCV or contamination with oxidized Mn. With those
points omitted the first order rate constant is 1.7 + 0.3 x 10-9 s-1. The correlation
coefficient 12 was 0.67.
3.3.2 500C

Figure 3.4 shows the data for the 50°C run. This run had much less scatter in
the data; two points were still omitted from the curve fit, however. The pseudo first
order rate constant for this run was 2.9 + 0.6 x 10-9 s-1. The correlation coefficient r2
was 0.75.
3.3.3 60°C

Figure 3.5 shows the data for the 60°C run. Unfortunately, this run had
considerable scatter and shows much less of a trend than the previous data set.
Several factors contribute to the scatter. One is the drift in pH which could cause
significant changes in the oxidation rate itself. The second is the volume change
caused by evaporation. This effect contributes to the flattening of the data. Before the
volume corrections were made the data did show a marked increase in oxidized Mn

over the course of the experiment. However; when the volume corrections were
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applied, it turned out that the increase was largely a concentration effect due to
evaporation. For example at 25 days there were 0.41 uM of oxidized Mn measured in
the sample, but at this point 375 g of water had already been lost due to evaporation.
Therefore, correcting for volume, the actual concentration of oxidized Mn would have
been 0.32 uM if no evaporation had occurred. Still, some oxidation should have still
been noticable even with the volunﬁe corrections. However; that oxidation was
obscured by the last problem which was high blanks. Observing the first point which
should be close to ten micromolar shows that the blank is greater than the total
amount of oxidation observed in the 50°C run. The blank problem could be caused by
several different factors. There may actually be some contamination of the reactor or
the reagents used with oxidized Mn or the LCV reagent may have been oxidized by
some oxidant other than Mn, such as oxygen. These problems make it very difficult to
determine a rate constant. If a statistical fit is done through the data the least squared
error turns out to be larger than the rate constant. Therefore no rate constant was
determined for this data.
3.3.4 Extrapolation to room temperature

All the rate constants calculated are pseudo first order rate constants. As
shown in equation 1 the homogenous rate law is also dependent on the oxygen and
hydroxide concentration. The pseudo first order fit is valid at a particular temperature
because pH, and therefore hydroxide concentration, is held constant through use of
the buffer. Dissolved oxygen concentration is also in large excess of the concentration
of Mn(II). If the reactor is in equilibrium with the atmosphere, then oxygen
concentrations are on the order of 10-*M, an order of magnitude greater than the Mn
concentration. Therefore the pseudo first order rate equation holds.

To properly determine the rate constants the observed pseudo first-order rate
constants must be interpreted in terms of reduced metal ion speciation, e.g. MnOH*

and Mn(OH)29, and the oxygen concentration as suggested by the work of
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Millero(20), Davies(21), and Wehrli(22). For example the equilibrium concentration

of Mn(OH) 70 is

[Mn(OH)]] = @ -[Mn]; [3.5]

where 09 is approximately

o = ﬁzz [3.6]

If it is assumed that Mn(OH),0 reacts the quickest with oxygen then the rate

expression can be written

d[Mn(ID},
dt

= -k ‘Kng, “Po, -—--E’z-z—[Mn(II)]T [3.7]

[1]

where Ko, is the Henry's Law constant for oxygen in Matm-1 and P(y, is the partial

pressure of oxygen in atm. Therefore the first-order rate constant is

* ' B,
k = k2 . KH02 . P02 [‘I:"I‘;“]-z“ [3.8]
at fixed pH, temperature, and Pg,, the rate is
dfMn(1I)
,[__at___]l‘_ = -k [0,] [Mn(D}; [3.9]

with
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*

K = kK [3.10]

KHOZ “Po,

and k has units of M-1s-1. This assumes the fastest reacting species is Mn(OH);0. To
be precise rate constants of the same form as equation 4.8 would have to be included
for each possible Mn(II) species. The different species rate constants would then need
to be resolved by a series of experiments over a wide pH range. Since this study was
conducted at a single pH it will be assumed that equation 3.7 is adequate to describe
the reaction.

Unfortunately, reliable data on *B3 for Mn2+ are not available, nor is a AHO
value to permit evaluating the temperature dependence. At this point it is only
possible to evaluate the influence of temperature to a limited degree. Applying
equations 3.8 and 3.9 the following second order rate constants were calculated for 45
and 50°C respectively.

(83 +1)x 10-6M-15-1

(1.5 +0.3) x 10 M-1s5-1
These constants incorporate the influence of temperature on Oj solubility. They
depend on temperature in two ways: the influence of temperature on *B; and the
influence of temperature on the oxidation process itself.

"Because there are only two reliable rate constants a statistical fit to an
Arrhenius expression would be statistically meaningless. Therefore the 25°C rate
constant was estimated by plugging the high and low values of the two rate constants
into an Arrhenius expression. This will give the range of possible activation energies
and rate constants possible in light of this data. It was found that the activation energy
for the process ranged between 85 kJ-mol-! and 113kJ-mol-1. The second order rate

constant at 25°C ranged between 8.5 x 10-7 M-1s-1 and 5.3 x 10-7 M-1s-1. Assuming



equilibrium with the atmosphere and pH of 8.0, equation 3.10 gives a pseudo first-
order rate constant between 1.3 x 1010 s-1 and 2.0 x 10-10s-1. This gives a half life for
oxidation between 110 and 170 years. Such a long half life would certainly explain
why Diem and Stumm (19) did not see any appreciable oxidation in their experiments
which only ran about 7 years.

3.3.5 Comparison and discussion of results

This rate constant is about two orders of magnitude greater than any
previously reported homogenous rate constants determined in other studies. Table 1
lists rate constants from studies by Davies (20) and Morgan (21). These rate constants
are pseudo first order constants. The range of constants is from 105 s-1 to 10-8 s,
The lowest value is the <3 x 10-8 s-1 reported by Davies (20) at pH 8.35. If a second
order dependence on pH is assumed then the rate reported by Davies would be on the
order of 109 s-1 at a pH of 7.9 to 8.0. If on the other hand a dependence on the 2.6
order is assumed as suggested by Davies (20) then the rate obtained by extrapolating
Davies rates to pH 8.0 would be even closer. Given the relatively large uncertainty in
this study as well as Davies, the two results would seem to agree. This would suggest
that the pH dependence of the reaction may be greater than second order and is still
unknown. It also shows that previous homogenous experiments done in ammonia
buffers were not affected by supersaturation with respect to solids phases. The results
of Diem and Stumm (19) may just be a result of such small oxidation that it was
undetectable by the method used.

One area where error could have skewed the results is in gas transfer from the
atmosphere into the reactor. This could have an effect either way. If other
atmospheric oxidants are transferred into the reactor in appreciable amounts then this
could artificially raise the measured rate. If on the other hand the rate of oxygen
transfer were slow enough this could lower the rate. The main oxidants of concern are

hydrogen peroxide and ozone. Hydrogen peroxide can typically reach levels on the
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order of 1 ppb in urban atmospheres(23). Ozone can reach levels on the order of 100
ppb(23). The simplest approach to determine the potential effect of these gases on the
oxidation of Mn is to assume equilibrium with the atmosphere is maintained
throughout the experiment. The Henry's Law constants for HyO2 and O3 are 103 and
10-2 respectively(23). If the solution is in equilibrium with the atmosphere these
constants would yield solution concentrations of 0.1mM for H2O7 and 1nM for Os.
The concentration of ozone in solution would be far below the amount of oxidation of
Mn observed and therefore even at equilibrium ozone would not be a problem.
Hydrogen peroxide on the other hand could be present on concentration levels near
that of oxygen and could interfere with the results. Therefore it is important to
estimate how long it will take to attain equilibrium for hydrogen peroxide as well as
oxygen.

Using the two film model the overall resistance to transfer is equal the
resistance of the transfer across the gas film in series with the resistance across the

liquid film. This is given by the relation:

[3.11]

where K, is the overall resistance to transfer, k| is the liquid film resistance, kg is the
gas phase resistance, and H is a unitless Henry's law constant. According to Roberts
and Dandliker a typical kj for a moderately stirred vessel is on the order of 10-3 cm/s
(24). kg values are typically about 2 to 3 orders of magnitude higher than kj values
(25). Therefore for this estimate values of 10-3 and 10-1 cm/s will be used for kj and
kg respectively. These values would give overall resistances of 4 x 108 cm-s-1 for

hydrogen peroxide and 10-3 cm-s-! for oxygen. The overall flux rate is given by:
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flux = KL-%-(Cg - Q) [3.12]

where A is the surface area of transfer and V is the volume of the vessel, and Cg and
G, are the gas and liquid phase concentrations respectively. A/V is simply equal to the
depth of the liquid in the reactor. The time scale for transfer of gaseous reactants into

the reactor then is given by:

: = [3.13]

where h is the height of liquid in the reactor in centimeters. Assuming an average
depth of 10 cm depth throughout the course of the experiment gives time scales of 2.8
hours for oxygen and 2900 days for hydrogen peroxide. This is a result of the oxygen
being liquid phase controlled and the hydrogen peroxide being gas phase controlled.
Therefore there should be sufficiently fast transfer of oxygen into the reactor that it
would be at equilibrium concentrations of 2 x 10-4 M at the beginning of the
experiment. Once this concentration is reached the oxidation does not proceed enough
to significantly deplete this concentration. Hydrogen peroxide on the other hand
should transfer into the reactor only very slowly and therefore should not have a
significant effect on the oxidation of Mn(II). It should also be noted that even if this
calculation seriously underestimated the transfer of hydrogen peroxide to the reactor
the error caused by contamination by hydrogen peroxide would be positive causing
faster oxidation than by oxygen alone. Therefore even if peroxide is a significant
oxidant then the homogenous oxidation rate is even slower than reported here.

One other possible source of error is the tendency of Mn oxide particles to
stick to surfaces. If this occurred it would give low oxidized Mn values and an

artificially low rate constant. Although there was no evidence of this, it would be
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difficult to detect such adherence with such low concentrations of oxidized Mn.

Although this could lower the rate constant, it would most likely only be a 10 or 20%

correction.

Therefore although there is still some uncertainty in the exact rate constant, it

is evident that past studies in ammonia buffers have yielded accurate rate constants. It

would also appear that the pH dependence of the oxidation reaction may be greater

than second order as previously thought. The process is indeed very slow and is

negligible in most natural systems in the absence of biological or surface catalysis.
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Table 3.1

Comparison of Homogenous Rate Constants for
Autoxidation of Mn(II) at 250C

pH Pseudo first order constant

(sec‘l)
9.02 6.0 x 10-6
9.3a 2.8 x 105
9.52 7.0 x 10-5
8.35b <3 x 10-8
8.95b 1.5 x 10-6
9.04b 2.8 x 10-6
9.25b 9.5 x 10-6
8.0¢ 1.6 + 0.4 x 10-10

a Morgan PhD Thesis, Harvard University 1964
b Davies PhD Thesis, California Institute of Technology 1985
¢ This Study
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Figure 3.1
Mn(ll) speciation
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Figure 3.1. Mn(Il) Speciation. Phase diagram for the Mn-CO3-H20 system. Showing
log{Mn] verus pH. The system is open to the atmosphere and the partial pressure of
CO2 is 10-3-5 atm. All constants are for I = 0.5 mM.



Figure 3.2
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Figure 3.2. 50°C Oxidation reactor pH. The pH variations are typical of the reactor
pH throughout the oxidation experiments, with the exception of the 60°C data which
showed a much larger upward drift. The data here shows a sharp acid spike att =0

which rebounds within a day. There is a slight upward drift over the course of the
experiment.
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Figure 3.3
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Figure 3.3. Oxidation of Mn(II) at 45°C. Plot of Mn(II), calculated by difference,
versus time. Open circles were omitted from the curve fit.
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Figure 3.4
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Figure 3.4. Oxidation of Mn(II) at S0°C. Plot of Mn(II), calculated by difference,
versus time. Open circles were omitted from the curve fit.
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Figure 3.5
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Figure 3.5. Oxidation of Mn(II) at 60°C. Plot of Mn(Il), calculated by difference,
versus time. Open circles were omitted from the curve fit. It is evident there is a high
blank problem which has largely obscured the results.
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Mn(IIT) COMPLEXES
4.1 Introduction

Mn(II]) has long been thought to be a short lived and unstable oxidation state
of Mn in water. The hexaquo Mn3+ ion has a standard reduction potential of 1.5 V.
versus the standard hydrogen electrode(1). The disproportionation reaction is also

known to be favored under most conditions

2Mn** + 2H,0 — Mn?* + MnO, + 4H' [4.1]

Despite its apparent instability, its tendency to react quickly through either reduction
or disproportionation reactions, Mn(III) has been of interest in the laboratory because
of its high reduction potential. The high reduction potential made it an interesting
oxidant for many species. The interest in using Mn(III) as a strong oxidant was great
enough to drive laboratory studies to find ways of stabilizing Mn(III). Stabilization
here is defined as slowing down the disproportionation reaction enough to allow
reactions with other species.

The overall interest and study of Mn(1lI) complexes was outlined in the
introductory chapter. The Mn(III) stabilizing ligands which are of most interest for
this study are pyrophosphate, citrate, and ethylenediamine tetracetate (EDTA). These
ligands were chosen because of their relatively well defined characterization and their
differing chemical properties. A comparison of the properties of these ligands can be
found in Table 4.1.

4.1.1 Pyrophosphate

Pyrophosphate(P207%4") is the simplest of the ligands used not only in structure
but also in the number of possible chemical reactions it can undergo. It is the smallest
of the polyphosphate chains, which have been found naturally in lake sediments and

are involved in biological reactions(2). PO 74 has no redox chemistry, its only loss
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mechanism being hydrolysis to form orthophosphate or polymerization to give longer
chains. Pyrophosphate was one of the earliest ligands found to stabilize Mn(III)
complexes. It has been used in many experiments in order to examine oxidation of
other compounds by Mn(III)(3-5). Pyrophosphate has also been found to stabilize
Mn(III) in several enzymatic biological reactions(6-9).

The Mn(IIl) pyrophosphate complex has been fairly well characterized. The
presence of P2074' has been found to stabilize the Mn(IlI) by dropping the
Mn(II)/Mn(I1) reduction potential from 1.5V for the hexaquo ion to 1.15V for
Mn(Il) in a P20 74' medium(10). Equilibrium constants have been reported by
Ciavatta and Palombari(11) and Gordienko et al.(12). These two groups disagree on
the constants and the predominant species. Gordienko et al.(12) report constants for
MnP7O7- and Mn(P20 7)25'. They report log K's for these species of 16.68 and
31.85.e.g., |

Mn** + P,03” & MnP,0; logK = 16.68 [4.2]

At the conditions they worked at, 25°C and I = 0.3M, this would mean Mn(P207)25’
is the predominant species under conditions of excess pyrophosphate. Ciavattta and

Palombarni report constants for the species MnH2P207", MnHPzO7O, MnH4(P2O7)7,
and MnH5(P207)20. The log B's they report are: 4.8, 4.2, 6.5, and 6.7, respectively.

e.g.,

Mn** + HP,0; ¢ Mn(H;P,0;)" + 2H"  logh = 4.8 [4.3]

These constants would imply that the protonated species are more important. Ciavatta
and Palombari worked at I = 3M, so their results cannot be directly compared with

other results at lower I to determine which species and constants are likely to be
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favored. Although the predominant species is uncertain, whichever species is
predominant has been found to have a violet-pink color which has been reported by
several investigators. Its absorption maximum is at 484 nm with a molar absorptivity
of 110 I/mol cm.

Most recently, Kostka et al. have examined the reduction of Mn(I1Il)
complexes by microbes(13) using lactate and formate as electron donors. They also
examined the reduction by inorganic species such as Fe_(II) and sulfide. Unlike
previous studies in which Mn(III) was formed, either from Mn(VII) or
electrochemical oxidation, Kostka et al. used the dissolution of Mn(IIl) solids by
P>07%4- to form the Mn(III) complex. They did not examine the kinetics, chemical
dependences, or thermodynamics of the dissolution reaction.

4.1.2 Citrate

Citrate forms another relatively well studied Mn(III) complex. It was first used
by Duke in 1947(14). He used it in an analytical method in studying Mn(III) oxalate
complexes. The citrate, being a stronger complexing agent than oxalate, bound any
Mn(I1II) present and was inert enough to allow analysis. Duke reported a maximum
absorption at 430nm with a molar absorptivity of 340 /mol cm.

Carrell and Glusker(15-16) examined the structure of both crystalline and
solution phase Mn(III) citrate complexes. They found the citrate acts as a tridentate

‘ligand.

A few kinetic studies have been done with citrate complexes. Several such
studies were conducted by Milad et al. in the 70s(17-19). The earliest of these studies
involved measuring the oxidation of Mn(II) by oxygen in a citrate medium. They
found the formation of the Mn(IIl) citrate complex. The reaction was carried out at a
pH of about 11, although this was only an initial pH and they reported pH drops of
several pH units. Therefore, although they report a rate expression, it was certainly

affected by the large change in pH. Another study by the same group reported the
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reduction of the Mn(IIl) citrate complex through reaction with the citrate. They found
it to be first order in Mn and autocatalytic. They also report a first order dependence
on initial pH but made no attempt to control this variable. A third study by this group
examined the reduction of Mn(III) by H207 in the presence of citrate. They found the
reaction to be first order in both Mn and peroxide. Both citrate and Mn(II) retarded
the reaction. Barek and Berka(20) examined the reaction of Mn(I1II)SO4 complexes
with citrate and oxalate, and found mineralization of the citrate. A study by Loll and
Bollag(21) found an enzyme-like material in soil that apparently consisted of Mn and
citrate.

4.1.3 Ethylenediaminetetraacetate (EDTA)

EDTA is the least well studied of the three ligands used in this study. Yet its
complex has the largest stability constant. The standard reduction potential of Mn(IIT)
in an EDTA medium drops to ‘0.82V versus the S.H.E.(10). The log of the
complexation constant is 24.75. Yoshino et al.(22) synthesized the Mn(II)EDTA
compound and reported its absorptivity to be 267 1/mol cm at 500nm. They found a
pK, for the complex of 5.3.

Macartney and Thompson(23) report self exchange rates for Mn-EDTA
complexes, the transfer of electrons between the Mn(II) and Mn(III) EDTA
complexes. They found a self exchange constant of 0.7 M's?. Bose et al.(24) have
found that when reacting MnO4~ with EDTA an intermediate was formed which
appeared to be a Mn(III) complex with either EDTA or one of its degradation
products. Gangopadhay et al.(25) also found that Mn(III)CDTA complexes can
oxidize EDTA. Thus although EDTA forms the most thermodynamically stable
Mn(I1II) complex studied here, it is also susceptible to oxidation by Mn(III).

4.1.4 This Study
This study has examined the kinetic inertness of the Mn(III) complexes of the

three above mentioned ligands. These ligands were chosen because they were
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reported to have distinct molar absorptivities and therefore could be followed
relatively easily using UV-visible spectrophotometry. These ligands were also chosen
for their differing chemical properties and their reported presence in natural
environments. ;

Pyrophosphate has been found along with other polyphosphates in lake
sediments and is also involved in biological processes. It is interesting not only
because it forms a weak complex with Mn(III), but also because it has no redox
chemistry itself. Therefore the possibility of internal redox reactions is eliminated.
Although the weakest binding of the ligands, absence of redox reactions make it more
likely to persist once formed.

EDTA is a commonly used industrial chelator and is thus now found in many .
natural waters. It is a very strong chelator and thus forms the most thermodynamically
stable of the Mn(III) complexes among these ligands studied. It does, however, have
the possibility of undergoing redox transformations. The fact that it is capable of
binding all 6 coordination sites of Mn3+ may also lead to interesting chemistry.

Citrate is a common biological product and is produced in natural systems. It
is also a strong complexing agent of Mn(III) although not as strong as EDTA. It too
has the ability to participate in redox reactions. It is only a tridentate ligand and
therefore may have different behavior from EDTA. Another interesting feature of
citrate is that, unlike pyrophosphate and EDTA, oxidation of Mn(II) is reported to be
relatively rapid in the presence of citrate(17).

4.2.0 Experimental

All Mn(1II) complexes were synthesized using reagent grade chemicals with
no further purification. The ligands used were Na4P207-10H20 by Malinckrodt,
Na3CegHs507-2H20 by Fisher, and NayCyoH 14N20g-2H>O by J. T. Baker. The Mn(I)

salt used was in most cases a Mn(NO3)2 solution by Aldrich. In cases where NO3-
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was undesirable Mn(ClO4)2:6H20 by G. Frederick Smith was used. The
permanganate used was a 0.0203 M KMnOy solution by Aldrich.
4.2.1 Complex preparation

The Mn(IIl) complexes were formed with ligand L using the manganous-

permanganate reaction.
AMn?* + MnO; + 5L + 8H' — S5Mn(JIDL** + 4H,0 [4.4]

First a Mn(II) salt, either Mn(NO3)2 or Mn(ClO4),, was dissolved along with the
sodium salt of the ligand in distilled, deionized water. After the salts dissolved, the
pH was adjusted using either nitric or perchloric acid and sodium hydroxide. In most
cases the excess ligand was also used as the pH buffer; for experiments with low
excess ligand another buffer was used. The citrate ligand concentration studies used a
carbon dioxide buffer made with 0.05SM NaHCO3 and nitric acid. The experiment
examining the oxidation Mn2* in the presence of citrate used a 0.1M N-
tris| Hydroxymethyl]methyl-2-aminoethane sulfonic acid (TES) buffer for the pH 7.5
run and a 0.1M tris(hydroxymethyl)aminomethane (TRIS) buffer for the pH 8.0 run.
After the pH was adjusted to the desired level, sufficient MnO4~ was added to give a
Mn(II):Mn(VII) ratio of 4:1. In general the reaction quickly proceeded from the
purple color of the permanganate to the color of the desired Mn(I11) complex in a
matter of a few minutes. |
4.2.2 Experimental Monitoring

The presence of an Mn(I1I) complex was monitored spectrophotometrically.
The absorbances were monitored periodically at the peak wavelength using a
Shimadzu UV-1201 spectrophotometer. The absorptivities of Mn(III)pyrophosphate
and Mn(III)CIT were verified to be independent of pH. EDTA, on the other hand, has

two identified complexes with differing spectra as reported by Yoshino et al.

54



Therefore below pH 5.3 the Mn(II)EDTA complex was monitored for at 488nm.
Above pH 5.3 the complex was monitored for at 450nm. The absorptivy of each
Mn(IIDEDTA complex was found to be independent of pH, once the effect of the two
complexes were taken into account.

All reactions were carried out in polyethylene bottles or Pyrex flasks which
were open to laboratory air and at laboratory temperatures, about 20-229C. For
experiments where the effect of the exclusion of oxygen was examined, the Mn(lI)-
ligand solution was made and adjusted to the proper pH, and was then bubbled with
N7 for at least an hour before the permanganate was added. After addition of the
permanganate the container was sealed with parafilm. While this does not guarantee a
zero oxygen concentration it gives a much lower oxygen value than air saturation and
should be sufficient to observe the effects of oxygen on the reactions involved.

4.3 Results and Discussion
4.3.1 Pyrophosphate
4.3.1.1 Effect of pH

Figure 4.1 shows the fraction of Mn bound in the Mn(III)pyrophosphate
complex versus time for several pHs. The fraction bound is calculated by dividing the
measured absorbance by the calculated absorbance if all the Mn were present as the
Mn(1IT) complex. Fractions above 1.0 are either because of the precipitation of solids
or unreacted permanganate. From pH 7 to 9 the complex is lost only very slowly over
a period of about 3 months. Above pH 9 fairly rapid precipitation of solids occurs,
which could be a result of rapid oxidation of Mn(IlI) or disproportionation. First order
fits are shown for each of the pH curves.

There are two effects of pH. One is a change of the rate constant for
disappearance of the Mn(III)P207 species and the other is the initial amount of
Mn(IIl) formed. The initial amounts formed and the rate constants, as calculated

from the curve fit, are included in Table 4.2. The initial amount formed and the rate of
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loss of Mn(IIl) complex seem to follow a similar trend. The initial amount formed is
generally smaller when the rate constant is faster. This would seem to indicate that the
reduction in initial amount formed is simply a result of the loss of complex being
faster relative to the formation rate. For both the rate constant and the initial amount
of complex formed, a maximum in stability is found at pH 7.3. At pH 7.3 there is the
highest initial amount of complex formed and the smallest rate constant, leading to
the most inert conditions. This may result from the singly protonated ligand being the
predominant species, as proposed by Ciavatta and Palombari(11), yielding a neutral

complex in solution according to the following reaction

Mn** + HP,03" <« MnHP,0, [4.5]

If this is true then the complex formation would be most stable between pH 7 and 8
where the singly protonated pyrophosphate species is predominant. Another
possibility is that the complex formed is the Mn(P207)25- species as suggested by
Gordienko et al. (12). According to the equilibrium constants given by them the
complex does indeed have a maximum thermodynamic stability near pH 7.3 as shown

in Figure 4.2, which is a plot of AG of the disproportionation reaction given by 4.6

2Mn(P,0,);” + 2H,0 — MnP,03” + MnO, + 4H' + 3P,0%" [4.6]

versus pH. The equilibrium constants used for the calculation were those of
Gordienko et al.(12). To make the calculations solution conditions must be assumed.
It was assumed that the ratio of P2O7:Mn was 50:1 and the Mn(IIT):Mn(II) ratio was
10:1. The constants were used as given, not adjusting for I or T. The calculations

show that the Mn(P20 7)25" complex is predominant at all pHs above 1 and is
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thermodynamically stable between pH 1 and 11.5 with a maximum stability around
pH 7.

- If the complex is indeed thermodynamically stable as suggested by Figure 4.2
the slow loss of the complex is possibly caused by slow hydrolysis of the
pyrophosphate over time, leading to dissociation of the complex and subsequent

disproportionation as shown in reactions 4.7 and 4.8

MnHP,0; + H,0 — Mn?* + 2HPO}" + H' [4.7]

2Mn** + 2H,0 — Mn2* + MnO, + 4H' [4.8]

Clesceri and Lee(26) studied the hydrolysis of pyrophosphate and found a rate
constant of 6 x 10-5 min-1. This is actually faster than the observed loss of Mn(IIl)
complex. Therefore the hydrolysis of pyrophosphate can account for the loss of
Mn(I1II) complex. Although no solids were observed forming in solution it is possible
the amount of Mn disproportionated is so small that the product solids may still be
colloidal and'not visible. If there is no solids formation then the only other sink for
MnIIT)P2O7 is reduction to Mn(II) by some trace contaminant.

Some insight may be gained into which complex is formed by examining the
proposed mechanism and calculating the theoretical dependence on pH for each
complex and then comparing that to the actual behavior. If Mn(P207)23- is the major

species then the rate limiting step for complex loss is given by:

Mn(P,0,))" + H,0 — Mn* + 4HPO} [4.9]

If MnHP 07 is the major species then the rate limiting step is given by:
MnHP,0, + H,0 — Mn’* + 2HPOZ + H' [4.10]
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The rate expressions for these two mechanisms are not simple and give complicated
dependences on hydrogen ion which may explain why there is no clear trend in the
data. For equation 4.9 being the rate limiting step, the rate expression can be written

as

d[Mn(HI)(P2o7)§‘]
dt

= -k -[Mn(III)(on—, 5 [4.11]
where ky, is the hydrolysis rate in s-1. The concentration of the Mn the complex can be

expressed in terms of total manganese.

Mnp = [Mn®*] + [Mn(P207)§”] + [Ma?] + [MnO,]  [412]

Equation 4.8 allows [MnO»] to be expressed as equal to [Mn2+] yielding

Mnp = [Mn*] + [Mn(P207)§‘] + 2:[Mn?*] [4.13]

Using equilibrium expressions for disproportionation and complex formation will
yield the expression

K, -{Mn(P207 )3‘]

< et T [

[Mn(onﬂ;‘]

K, -[onf‘,‘]z

Mny = 4 [Mn(P207)§‘] v 2 [4.14]

Solving equation 4.14 for [Mn(P707)25-] and substituting into equation 4.11 gives
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2
_(1 + _1_) + (1 + _1_) + 42..59__}./1.21
a

‘ . 4.15
dt 4-Kq4 [4.15]

where a = K¢ [P2O7+12, K, is the equilibrium constant for complex formation in M-2,
and Kg is the équilibrium constant for disproportionation in M3, This is an extremely
complex dependence on hydrogen ion concentration, especially when it is considered
the pyrophosphate speciation is also pH dependent. Examining the equation more
closely allows determination of the dominant terms in the pH dependence. Above pH
8.4 all of the pyrophosphate is unprotonated and therefore has a concentration on the
order of 10-2 M. Even at pH 6, [P)O74] is still on the order of 10-5 M. Therefore,
because K¢ is 10318, a is always a large number therefore 1/a << 1 in the entire pH
range studied. The second term inside the radical is also small as Ky is on the order of
107. Although this term is small it cannot be eliminated because although the number
inside the radical is nearly one so is the first term in the numerator. If both are
assumed to be 1 then the only answer becomes zero. Thus above pH 8.4 the

dependence on hydrogen ion concentration is complex and can be given by

il

d[Mn(IID)(P,0,)3 "] Lty fusLp, M| [m]'
dt N a \/ a) [H+]4

where

4-K
= ——— d 7} [4.17]
Kc'[P2O7]T

[4.16]



Although the radical term cannot be eliminated it would be expected that the fourth
order term would dominate over the radical term. Between pH 6 and 8.4 the singly
protonated pyrophosphate becomes the dominant species and [P2074] becomes
dependent on the inverse first power of hydrogen ion concentration. This would

change equation 4.16 to

d[Mn(I(P,07); |

& R R T T

Here a' = Kg-Ka42, where K a4 is the fourth acidity constant for pyrophosphate, and

. 4-K
b = ————7 [4.19]
Ke'Ka4'[P2O7]’]‘

In this pH domain the zero order pH terms would be expected to dominate.
For equation 4.10 being the rate limiting step, the rate expression can be

written as

d[Mn(III)HP,0;]
dt

= -k -[Mn(IIH)HP,O;] [4.20]

where kp, is the hydrolysis rate in s-1. The concentration of the Mn the complex can be

expressed in terms of total manganese.

Mny = [Mn**] + [MnHP,0;] + 2-[Mn®] [4.21]

Using equilibrium expressions for disproportionation and complex formation will

yield the expression
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. O
MHT = ———-————-—-—————-—[MnHP207] + [MI’IHP207] + 2 Kd [MnHPZ 7]

[4.22]
K, [P,0§] K2 [P0 | [1*]

Solving equation 4.22 for [MnHP207] and substituting into equation 4.20 gives

{49 iJ(l+ 1) 4 4. 2:Ke My
d[MnHP,0;] 2 a a*-[H|
dt S 4-Kq
’aZ.{H+]4

[4.23]

where a = Kq-[HP7073], K is the equilibrium constant for complex formation in
M-1  and K4 is the equilibrium constant for disproportionation in M3, Between pH 6.0
and pH 8.4 all of the pyrophosphate can be assumed to be in the singly protonated

form and the pH dependence would be expected to be

A+ — + ja + —)?
dt c ( ) d

T

d[Mn(IINHP,0 | 1 \/ 1

where

- 4K [4.25]

K:-[P 207]"2r

Here the overall dependence on hydrogen ion is complicated but would appear to be
roughly dependent on the negative second power. Above pH 8.4 the [HP,073-]
becomes dependent on the first order of [H*] and the overall dependence can be

written as
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d[Mn(IHP,0,] . 1 2d -Mnq

a TN ey

[}
| 14260

Here ¢' = K¢ Kyl and

42- K- K§42 (4.27]
Ko [P207);
Most likely the second order term will dominate in equation 4.26. Summarizing, if
equation 4.9 is the rate limiting step then the dependence on [H*] would be
approximatc'ly fourth order above pH 8.4 and approximately zero order between pH 6
and pH 8.4. If equation 4.10 is the rate limiting step the [H*] dependence would be
approximately second order above pH 8.4 and approximately negative second order
between pH 6.0 and pH 8.4
The rate constants although somewhat scattered can be examined to see if they
fit either of these dependences. The points at 7.8 and 8.0 probably should be excluded
because they are close to pK4 of pyrophosphate so both the unprotonated and singly
protonated ligand are important. This would make invalid the assumptions used to
derive 4.9 - 4.12. Eliminating those two points would appear to give a dependence on
hydrogen ion of close to an order of -3 below pH 8. Above pH 8.4 there is only one
point so it is not possible to tell, although it certainly seems to be a smaller
dependence than at lower pH. Although none of the above expressions fit the
observed data the expression for the MnHP207 species seems to come the closest. Its
second order dependence would seem much closer to the observed data than the zero
order dependence required by the Mn(P207)725- species. This would imply that the

reactions occurring in this system are given by 4.5, 4.8, and 4.1.
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It is interesting to note that considering the pH dependence of the
pyrophosphate alone, it would be expected that thé shift in pH dependence would
occur at the pK4 of pyrophosphate, which is at 8.4. However; the data shift seems to
be at pH 7.3. This could be simply experimental error in one or more points that
produces an artificial shift. If it is real then it is due to some other pH dependence
other than the pyrophosphate. This would most likely imply a hydrolysis speciation of
the Mn(11l). This is certainly possible. Only the first pK of Mn(1Il) is known and it is
thought to be about 0. It is possible that Mn(III) has a second or third pK around 7.3.

Overall the dependence on pH is a complicated one due to the protonation of
the pyrophosphate as well as the dependence of the disproportionation reaction and
possibly the manganese speciation. Although the complicated nature of the pH
dependence makes precise interpretation of the results difficult the main effect of pH
seems to be one of governing which complex is dominant. It is mostly a
therquynamic effect rather than a kinetic one. The dominant complex seems to be
the neutral MnHP20O7 complex which is lost due to hydrolysis of the pyrophosphate.

The complete set of proposed reactions is given in mechanism 4.1.

4.3.1.2 Effect of ligand concentration

Figure 4.3 shows the fraction of Mn bound in the Mn(III)P207 complex
versus time. The y axis is calculated by dividing the absorbance of the solution by the
absorbance if all of the Mn were bound in the Mn(III)P207- species. Numbers above
1.0 indicate either unreacted permanganate or precipitation of solids. At an excess of
10:1 P20 7:Mn rapid solids formation is observed and is most likely indicative of
dispropbrtionation. At ratios greater than 25:1 the complex appears to be
thermodynamically stable.

Although the 10:1 excess ligand run showed solids formation, the other runs

showed no visible solids formation. Therefore the values above 1.0 in these cases are
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most likely due to unreacted permanganate. There are two possible explanations for
the presence of the unreacted permanganate. One is that the reaction of the
permanganate with Mn(II) is slow but eventually all the permanganate reacts to form
Mn(III). The other is that there is a slight excess of permanganate that never reacts.
Although the errors in dispensing permanganate are precise, because the molar
absorptivity of permanganate is 100 times higher than the Mn(III) complex it would
only take a 0.5% excess to give an adsorption difference of 50%.

One possible way to differentiate between the two possibilities is to examine
the nature of the decay of the absorbance. If there is an excess then the decay of the
complex should be relatively unaffected, and the decay of the absorbance would
represent the decay of the Mn(I11) complex. If there is just a slow formation reaction
then two effects on absorbance should be seen, one the slow formation of the complex
and two the loss of the complex. Such a behavior should fit better to a 2 exponential
curve rather than a single exponential. Both single and double exponential curves
were fit to the data to see which better described the observed behavior. In all but the
highest pyrophosphate concentration the single exponential curve showed the best fit.
Therefore it is likely that there is a slight excess of permanganate that remains
unreacted during the experiment. It is possible that at high pyrophosphate
concentrations there may be some sort of complex formation that may slow down the
formation reaction as well, but the dominant effect would seem to be that of a
consistent offset throughout the experiment. Therefore all the data was fit using a
single exponential and the rate constants obtained are assumed to be representative of
the loss of the complex only. If the complex formation is indeed slow then the
reported rate constants would represent an upper limit on the value, and the actual
loss rate would be slower than reported.

The effect of the ligand appears to exhibit a maximum behavior at a

pyrophosphate concentration of 25mM, rather than a consistent increase or decrease
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across the range of concentrations used. The rate constants and initial relative
concentrations are shown in Table 4.3. The rate constant is the greatest at a P20O7:Mn
ratio of 50:1. The rate constants are larger if the ratio is larger or smaller than this
ratio. The rate constants show considerable variation with respect to ligand
concentration. Other than being able to say the maximum stability appears at a
ligand:Mn ratio of 50:1 it is difficult to discern a déﬁnite dependence on ligand
concentration. The faster rates at high concentrations of pyrophosphate can be
explained by the hydrolysis pathway noted in equation 4.7. This reaction will proceed
faster at high pyrophosphate concentrations, causing the complex to dissociate more
quickly. At low pyrophosphate concentrations the rate is faster because of the low
complexing ability of the ligand and thus smaller thermodynamic driving force for
formation of the complex. Because of the uncertain correlations for both pH and
ligand concentration it is difficult to determine which complex is the dominant one.
Whichever complex is dominant Mn(III) can be stabilized for months using a
sufficient excess of pyrophosphate ligand. The optimal conditions for complex
formation are a ligand:Mn ratio of 50:1 and a pH of 7.3, which seem to be set by the
stability of the ligand itself as much as by the complex stability.

The rather high kinetic inertness of the pyrophosphate complex is not the
result of a large complexation constant; it has the smallest equilibrium constant of the
three ligands studied. The stability is instead caused by lack of loss pathways.
Because pyrophosphate cannot donate an electron, the only redox mechanism for
Mn(III) loss is disproportionation. In the presence of large excesses of pyrophosphate
the disproportionation becomes kinetically hindered.

4.3.2 EDTA
4.3.2.1 Effect of pH
Figure 4.4 shows the fraction of Mn bound in the Mn(IIDEDTA complex

versus time for several pHs and an EDTA:Mn ratio of 50:1. Half lives range from 1 to
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15 minutes and are shown in Figure 4.5. Stability is greatest at high or low pH, while
the complex is less stable near neutral pH.

The observed stability is probably the result of two different species; a
protonated form that is more stable at low pH, and an unprotonated form stable at

high pH, as shown in reactions 4.28 and 4.29

Mn®* + HEDTA® — MnHEDTA [4.28)
Mn®* + EDTA* — MnEDTA" [4.29]

Yoshino et al.(22) found that there is a protonated and unprotonated form of the
complex and the pK, of the complex is 5.3, consistent with the findings of this study.
First order fits are shown in Figure 4.4 for each of the curves. Table 4.4 shows the fit
parameters for each pH. The fitted initial concentration at time zero is less than unity
for all of the middle to high pH runs, indicating that 100% yield was not obtained in
the formation reaction. This is likely because the complex is thermodynamically
unstable toward disproportionation. Even though the Mn(III) complex has a large
equilibrium constant and is thermodynamically stable with regard to Mn3+ and
EDTA, it is not thermodynamically stable with respect to the products of
disproportionation. This is verified by calculation, using the complexation constant
given by Davies (10). The calculation was done for the disproportionation of the
Mn(II)EDTA complex to the Mn(IDEDTA complex and MnO;. An EDTA
concentration of 0.01 M and a Mn(IITl):Mn(II + IV) ratio of 10:1 was assumed. It is
calculated that the Mn(III)EDTA complex is unstable toward disproportionation at all
pH's above 6. Therefore the reason the complex exists at all is most likely because of
slow kinetics of disproportionation.

Figure 4.6 shows a plot of the log of the rate constants obtained from the fits

of Figure 4.4 versus pH. The graph does not show a simple dependence. However, if
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it is taken into account that the pH effects are actually caused by two complexes, then
a simple dependence can be found. If it is assumed that the pK of 5.3 given by
Yoshino et al. (22) is correct then below 5.3 the singly protonated ligand has the
predominant effect and above 5.3 the unprotonated ligand dominates. Looking at the
data, it can be reduced to two linear relations one from pH 3.6 to 5.2 and one from pH
5.2 to 9.0. The point at pH 5.2 technically cannot be included solely with the
MnEDTA curve or the MnHEDTA curve because it is so close to the pK;, of the
complex. Therefore a curve fit was done for the data above 5.3, excluding the 5.2 data
point. The resulting curve fit was then used to calculate the contribution from
MnEDTA at pH 5.2. Then the contribution that would have been required for the
MnHEDTA species was calculated from the observed data and the pK given by
Yoshino et. al.(22). The resulting calculated points are shown by the hollow symbols
in figure 4.6. The fit for the data below pH 5.2 represents the effect of the

Mn(IIHDHEDTA complex and yields the relation:

]-—0.48

Kmnpigpta = 1077 ‘{H+ [4.30]

Where k* is the pseudo first order constant with units of s-1, defined by the relation

d[MnHEDTA]
dt

= - KmnuepTa |[MNHEDTA] [4.31]

when all other variables are held constant. The pseudo first order rate constant is the
product of an intrinsic rate constant times any other variables which effect the rate. A

general expression for the pseudo first order rate constant is given by

KMnHEDTA = kint'[H+]x‘[EDTA ]y [4.32]
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where kin is the intrinsic constant and x and y are the dependences on hydrogen ion
concentration and EDTA respectively. Therefore in equation 4.30 kip = 10-3-29
MO48gec-1.

The fit for the data above pH 5.2 is the effect of the Mn(II)EDTA- complex

and yields:

: _ 0.29
Kvngpra = 10°0°-[H'] [4.33]

These equations indicate that although pH is important for Mn(II)EDTA stability the
dependence on pH is not simple. The reaction comprises two or more reactions, some
of which are equilibrium steps and others rate controlling, yielding a noninteger
order. As expected, the rate of disappearance of the protonated complex has an
inverse correlation with [H*]. The dependence on pH for the unprotonated ligand is
small and may be insignificant. If electron transfer within the complex is the rate

limiting step then the dependences should be:

d[Mn(IIDEDTA] _ nke'Ka4‘[M“3+]T'[EDTA]T [4.34]
at 1]
d[Mn(III;I;IEDTA] _ kc-[Mn3+]T'[EDTA ]T [4.35]

respectively for the unprotonated and protonated species. ke is the rate constant for
electron transfer. The dependences on hydrogen ion come largely from the fact that
within the entire pH range studied HEDTA3- is the predominant EDTA species.
Neither equation 4.34 or 4.35 describes the observed dependences very well.
Therefore there is something missing from the rate limiting step. It is possible that the
Mn has pH speciation as well as the EDTA, but even this would not yield the proper

pH dependence. The most likely explanation is that electron transfer within the
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complex is not the rate limiting step. Instead there must be some reaction with a pH
dependent species that controls the rate.
4.3.2.2 Effect of ligand concentration

Figure 4.7 shows the fraction of Mn bound in the EDTA complex versus time
for several EDTA concentrations at pH 6.8. In solutions where there is excess EDTA
the complex is reduced rapidly on a time scale of 15 to 30 minutes. If only a
stoichiometric amount of EDTA is used then the complex is stable for about 2 days.
First order fits are shown for each data set. The values of the fit parameters are given
in Table 4.5.

Again it is noted that the initial concentrations from the fit are smaller than
they should be. This is an indication of the thermodynamic instability of the
complexes toward disproportionation. Figure 4.8 shows the plot of log k versus log

[EDTA]. A linear fit of the graph gives the relation

. 135
Kwmepra = 10°%-[EDTA] [4.36]
Combining equations 4.33 and 4.36 gives the expression:
: 0.29 4-L35
d[M“(Igt)EDTA] = Ky [H'] -[EDTA ] [MnIIEDTA | [4.37]

where k jn( is on the order of 1014 sec"IM-1.64. This gives the overall rate expression
fpr Mn{IDEDTA, a similar expression for MnHEDTA cannot be found because no
experiments on pH dependence were conducted below pH 6.

At first it might seem counterintuitive that the rate of loss of Mn(IIDEDTA
complex is dependent on the EDTA concentration. This can be explained if the

reaction is not an internal electron transfer but an external transfer with gxcess ligand.

Such a trend was observed by Yoshino et al. (22) in their preparation of the complex.
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They noted that if the complex was prepared with an excess of EDTA that the yield
was lower and some of the Mn(III) was reduced. This is also consistent with the pH
dependence observations noted previously. It appears that at least part of the missing
pH dependence is due to reaction of the Mn(III)EDTA complex with another EDTA
molecule. The rate limiting step would then become electron transfer from the

Mn(IIHEDTA complex to the solution EDTA molecule as shown:

Mn(IIDEDTA~ + HEDTA* — Mn(IDEDTA*™ + HEDTA'Z" [4.38]

This would yield a rate expression of the form:

d[Mn(DEDTA] ke -[Mn™] -[EDTA || [4.39]
dt (1]

This still does not yield a dependence in agreement with equation 4.37. The most
likely explaﬁation for the discrepancy is that both the internal and external electron
transfer mechanisms are operative. The sum of equations 4.39 and 4.35 would yield a
- result that would appear to be between first and second order in EDTA which is in
line with the observations. The hydrogen ion dependence is still unexplained by the
combination of the two mechanisms. This could be explained by either pH speciation
of the Mn or by reaction of the complex with a species other than the predominant
HEDTA species. Most likely the complex can react with any form of EDTA, and the
overall pH dependence is a sum of the different dependences. The observed
dependence being between zero and first order would imply that the reaction is fastest
with the doubly and triply protonated EDTA species. A mechanism that would be
consistent with all the above observations is that the Mn(III) forms a complex with

the EDTA. The complex can then undergo a reversible electron transfer in which the
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electron continues to move from the Mn(III) to one of the carboxyl oxygen until one
of two things happens. Either the complex transfers the electron to a solution EDTA
molecule, probably through hydrogen atom abstraction, or the molecule rearranges to
decarboxylate giving off CO, and a radical species. The transfer to the external
EDTA would be much faster than the rearrangement. This mechanism is shown in

equations 4.40 to 4.42 and is shown in more detail in mechanism 4.2.

MH(III)CI Oleog > Mn(II)ClOHuO{ [4. 40]
Mn(II)Cloleog_ + Cloleogw > Mn(II)CloHI:;Og + C10H110§4— [4.41]
Mn(IDCyoH,08 <> Mn(IDCoH,0p” + CO, [4.42]

Equation 4.41 represents the rate limiting step, although if there is not sufficient

excess EDTA present, then 4.42 can become rate limiting.

4.3.2.3 Effect of light and ionic strength

Figure 4.9 shows results of experiments conducted with and without light. It is
seen laboratory light has little effect on the Mn(IIDEDTA complexes, unlike other
metal EDTA complexes.

If the mechanism in equations 4.40 to 4.42 is correct then the rate limiting step
of electron transfer to the solution EDTA is rate limiting. Since EDTA can bind all
six of the octohedral sites of the Mn atom, the electron transfer is most likely outer
sphere. The fact that EDTA forms stable compound with other metals with high
reduction potentials, such as Fe(Ill) and Co(II)(26, 27), suggests that EDTA
complexes are very stable and require external electron donors or acceptors to
undergo rapid redox reactions. If the mechanism is an outer sphere mechanism it
should be dependent on ionic strength. Figure 4.10 shows the decomposition of

Mn(IIDEDTA at 2 different ionic strengths. The rate constants are 1.44 + 0.03 x 104
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s1 atan I of 5M and 1.30 + 0.06 x 104 5! at an I of 0.5M. It appears then that there
is a slight ionic strength effect in the proper direction, the reaction being slower at
lower ionic strength. Reaction 4.41 produces an unstable EDTA radical. This radical
most likely reacts with oxygen, another EDTA, or another complex to give further
degradation. Such radical reactions are known to give fractional dependences, as were
found in this study. Bose et al. found that the oxidation of EDTA by MnOg4~ gave off
(O3 and ethylenediamineN,N',N' triacetic acid(24). Ayoko et. al found the oxidation
of EDTA by Fe(Ill) gave off CO2, ethylenediamine, and formaldehyde among the
products (28).
4.3.3 Citrate
4.3.3.1 Effect of pH

Figure 4.11 shows the fraction of Mn bound in the Mn(III)citrate complexes
versus time for several pHs. The complex loss is much more rapid at pH 6 then at pH
10. A very interesting additional behavior was noted; the reoxidation of Mn and the
reformation of the complex after initial loss. At pHs above 9 the complex was seen to
return to its original concentration in just a day or two, while at pH 6 the return took
weeks to months. |

The reappearance of the Mn(III) complex obviously indicates a second
reaction. Because of the second reaction a simple curve fit cannot be done to obtain
information on the pH dependence of the initial reaction. To obtain information on
the pH dependence of this initial reaction first order fits were used on the initial points
only. Points which showed a higher value than the previous one were considered to be
influenced by the reoxidation and therefore disgarded from the fit. Parameters from
these fits are shown in Table 4.6. The rate of reaction shows an inverse relationship to
pH. Figure 4.12 shows a plot of log k versus pH. The pH dependence can be seen to

be very weak. It is given by the expression
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. 0.18 «
Kot = Kuncrr - [H] [4.43]

This is very close to being independent of hydrogen ion concentration. Indeed if
internal electron transfer within the Mn(III)CIT complex is the rate limiting step then
. a zero order dependence on hydrogen ion concentration would be expected, as given

by the relationship

d[Mn(cIlItI)CIT] _— -[M n3+]T -[CIT ]T [4.44]

The slight dependence may be due to experimental error or to a slight contribution
from either protonated citrate species or to hydroxyl complexes of Mn.
4.3.3.2 effect of oxygen on reformation of the Mn(III) complex

To further investigate the unusual behavior of the Mn(III) complex, i.e., being
reformed after its reduction, experiments were repeated in solutions that had been Ny
sparged. Similar pHs were used as in the previous air exposed experiments. The
experiments with Ny sparging were conducted in the same way as the air exposed
experiments except that the bottles were sealed with parafilm as explained in section
4.2.2. The results are given in Figure 4.13.

The nitrogen sparged solutions showed no reoxidation of the complex after
initial loss. This indicates that Q2 is involved in the reoxidation of Mn(II) to Mn(Ill)

as in reactions 4.45 - 4.47

Mn(IIHC¢HsO, > Mn?* + CcH;0%" [4.45]
Mn?t + C(HsO3 < MnCgHs0; [4.46]
Mn(INCgHsO07; + O, — Mn(IHC4H:O, + O [4.47]
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The radical species generated in reaction 4.45 will then react further; most likely
resulting in decarboxylation of the citrate and release of CO2. The superoxide
molecule formed in equation 4.47 is also available to oxidize another Mn(II) or a
citrate molecule.

If the no oxygen runs in Figure 4.13 are fit to simple first order fits, rate
constants for solely the loss of Mn(IIICIT can be found. The pH 9.1 data, however;
does not fit well to a single exponential. The data fit much better to two processes, an
initial fast decay followed by a slower decay. This was confirmed by fitting the pH
9.1 data to a double exponential. This yielded a much better fit raising r2 from 0.79 to
0.99. The rate constants were determined to be 1.2 + 0.2 x 104 s-1 for the faster
process and 4.2 + 0.6 x 10-7 s-! for the slower process. Doing the same for the pH 7.4
data gives 8.3 + 5 x 104 s-1 and 4.4 + 0.5 x 10-5 s-1 for the fast and slow process
respectively. This clearly shows that the degradation is made up of at least two
processes, one of which does not seem to be present in the experiments with oxygen.
One likely possibility for this step is that in an oxygen system the radicals formed by
reaction 4.45 are quickly consumed by oxygen. In the absence of oxygen their
presence may slow down the reaction, possibly by reacting with Mn(II) to reform the
Mn(11l) complex. If the hydrogen ion dependence of the initial decay is examined it is
found to be about 0.5 order in hydrogen ion concentration. While this may be caused
by the error in doing a two point fit, it is likely indicative that even the initial decay is
not a simple one step process, but is most likely the decay of two different species,
possibly the unprotonated and singly protonated species.

In order to verify the mechanism experiments were done to examine the
oxidation of Mn(II) in the presence of citrate. Figure 4.14 shows the calculated
concentration of Mn(III)CIT, based on absorbance at 430 nm, versus time of two
Mn(II) solutions in the presence of citrate. The solutions were exposed to normal

laboratory air. The concentration of Mn(III)CIT based on the peak at 430 nm, does
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increase on the time scale of a few weeks. Oxidation at that pH in the absence of
ligands would occur on a time scale of years as demonstrated in Chapter 3 of this
work as well as by others. Therefore the autoxidation of Mn(Il) is more rapid in the
presence of citrate than in the absence of ligands.

It is interesting to note that the lower pH data in Figure 4.13 can be fit fairly
well with a simple first order decay and a first order appearance term. This indicates
that the behavior can be explained by two independent processes, the reduction of the
Mn(III)CIT complex and the oxidation of the Mn(II)CIT complex. At low pH there is
a large enough difference in the rate of reduction and oxidation that the two processes
can be modelled as independent of each other. At higher pH the rates are much closer
to each other and the interdependence of the reactions must be taken into account.
4.3.3.3 effect of ligand concentration

Figure 4.15 shows the dependence of Mn(lIl)-citrate complex stability on the
citrate concentration. These experiments were all done with bicarbonate buffers.
Because of slow degassing of CO2 over time the pH in these solutions rose from 6.8
to about 9 over the course of the experiment. All four experiments experienced the
same pH rise. Although the pH rise most likely facilitated precipitation of both
MnCOj3 and oxidized Mn solids, all 4 solutions experienced the same conditions so
that differences noticed are because of citrate concentration differences. The
complexity of the reaction makes analysis for rate dependence on citrate difficult.
Only the first two days data were used for the first order fits. Results of these fits are
given in Table 4.7.

Figure 4.16 shows a plot of log k versus log[CIT]. The dependence is distinct

but small, described by the expression:

—-0.13
] [4.48]

Kincrr = Kwmarr - [CIT

75



Where kmncyT is on the order of 1 x 10-4 M0-13.5-1_ Although it could be argued that
the dependence on citrate is negligible that would not make sense mechanistically. If
the rate limiting step is the transfer of an electron within the Mn(III)CIT complex,
then the dependence on citrate would be expected to be first order as shown in
equation 4.44. The most likely explanation for the slight negative dependence is that
although only the first two points were taken the reoxidation step was most likely still
obscuring the results. The reoxidation should have an inverse first order dependence
on the citrate concentration. Therefore the two effects together would sum to a
dependence that appeared close to zero.

Both the Mn(III) citrate complex reduction and reoxidation are affected by the
ligand:Mn ratio. The complex is more stable at higher citrate concentrations with little
complex loss at a citrate:Mn ratio of 50:1. The complex also is reoxidized faster with
higher citrate concentration. The experiments with less than a 50:1 excess of citrate
all produced solids that interfered with spectrophotometric measurements. No data are
included in Figure 4.15 for periods after precipitation of solids was noticed. The onset
of precipitation was quicker in solutions with lower citrate concentrations. The nature
of the solids formed also varied. At a 2:1 excess of citrate the solids formed contained
very little oxidized Mn and appeared to be MnCO3. The solids in solutions with a 5:1
or 10:1 excess were brownish in color and turned leuco crystal violet dye purple,
revealing the presence of oxidized manganese. This indicates that in very low excess
of citrate the Mn(III) is reduced to Mn(II) at the expense of a citrate but the remaining
citrate is not enough to allow reoxidation so the Mn(II) precipitates as either MnCQO3
or Mn(OH)7. At higher excesses, but still lower than a 50:1 excess, Mn(III) is reduced
and begins to reoxidize. At some point, however, the remaining citrate is not
sufficient to stabilize the Mn(III), which either disproportionates, continues oxidation

to a Mn(IV)oxide, or precipitates out as Mn(II) solids. Above a 50:1 excess of citrate
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the complex appears to be reoxidized completely and remain over a period of a few
months.

The overall results of the citrate complex system indicate a cycle, the reactions
of which are shown in mechanism 4.3. The Mn(Ill)citrate undergoes an electron
transfer which reduces the Mn(IlIl) to Mn(II). The electron transfer is most likely
internal as there is no evidence of added stability at lower citrate concentrations as
would be expected for an external electron transfer. The Mn(II) can then be
complexed by excess citrate and in the presence of sufficient oxygen can be
reoxidized to the Mn(III) complex. The overall result should lead to a catalytic
destruction of citrate.

4.4.0 Conclusions

This study has shown that Mn(III) can be stabilized kinetically for periods of
days to months in neutral to alkaline pH. The two factors which affect the inertness of
these complexes are the complexing strength of the ligand, and the ability of the
ligand to participate in redox reactions. Differences in pH and ligand concentrations

can speed up or slow down loss of the Mn(I1I) complex.

4.4.1 Pyrophosphate

The Mn(IIl)pyrophosphate complex is the most kinetically inert of the
complexes studied. Its inertness is caused by a lack of redox pathways. The complex
1s favored by pH around 7.3 and a ligand:Mn ratio of 50:1. The complex may be
either MnHP7O7 as proposed by Ciavatta et al. or Mn(P207)23- as proposed by
Gordienko et al.. The data do not allow a distinction between the two. The complex

1s kinetically inert with regard to disproportionation and is lost very slowly over a
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period of several months. The complex most likely decomposes because of loss of
pyrophosphate due to hydrolysis.
442 EDTA

Mn(IIDEDTA complexes, although they have the largest formation
equilibrium constants, are the shortest lived in aqueous systems. The complexes
appear to be unable to undergo internal electron transfer but readily accept electrons
from external donors. The oxidation of free EDTA by the Mn(Ill) complex is very
rapid in solution. The rate law for the reduction of the Mn(II)EDTA- complex at pH

> 6 is given by:

d[Mn(IINEDTA]
dt

= ki [H ]0'29 -[EDTA * ]]'35 - [Mn(IDEDTA ] [4.37]

4.4.3 Citrate
Mn(II)citrate complexes are intermediate between the other two complexes in
terms of equilibrium constants and rates of loss. They exhibit a complex behavior,
however, that distinguishes them from the other Mn(II) complexes studied. Mn(III)
citrate complexes appear able to undergo internal electron transfer resulting in the one
electron oxidation of citrate. Unlike the other two ligands, citrate is able to promote
reoxidation of Mn(Il) back to Mn(IlI). The reduction coupled with the reoxidation
leads to a cycle that gives catalytic destruction of citrate.
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Mechanism 4.1: Mn(II)-Pyrophosphate

) ‘ O o
(o] O o] O-.. "' \ /
_o>p/ \Péo.o::m"-ozp
Mo + 5 l complex formation | |
o e R o] (‘)
N o X, ° -
o] o
O O-. 4" \ ///
XN e -0—F
R
hydrolysis o
o] o + 2H,O — Mt +
\ o B
O
c>/"\O o? o o7 e

’ disproportionation
2Mn** + 2H,0 —» Mn® + MnO, + 4H"

81



Mechanism 4.2
Mn(III)EDTA Proposed Reaction Mechanism
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Mechanism 4.3

Proposed Mn(I1II) citrate reaction scheme
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Table 4.1
Some Properties of Ligands Used in This Study

Pyrophosphate Citrate EDTA

£ (M-lcm-1)a 96 210 257
Amax 484 430 480
log K 4.8v 1472 24.754d
log kox (min-1) -7.22¢ -3.51f -8.0e
E° (V) 1.01s ? 0.82h

a g is the molar absorptivity of the complex, Amax is the wavelength
of maximum absorbance, log K is the equilibrium constant of the
~ligand with Mn(III), log kox is the rate constant for the autoxidation
of Mn(Il) in the presence of the ligand, and Eo is the standard
reduction potential of Mn(III)/Mn(II) in the presence of the ligand.
b for the compound MnH,P,07

¢ estimated from analogy to Fe citrate complexes

d for the compound MnEDTA- G. Davies (1969)

¢ H. Bilinski and J. J. Morgan (1969)

f N.E. Milad, N.M. Guindy, and F.M. Helmy (1971)

g pH=7.1

h pH=5.5
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Table 4.2

First Order Fit Parameters for Mn(III)P20O7 Disappearance

[P207] = 25mM

pH k(s‘l) Co/Ct
6.94 1.9+ 0.2x 10-7 0.727 + 0.007
7.3 1.53 + 0.08 x 108 0.984 + 0.002
8.04 12+ 0.3x 107 0.68 + 0.01
8.98 29+0.2x 108 0.634 + 0.002
Table 4.3
First Order Fit Parameters for Mn(III)P20O7 Disappearance
pH="738
[L] (mM) k(s1) Co/Cr
5 3.1+ 0.6x 1073 1.21 + 0.01
12.5 2.81 + 0.08 x 107 1.293 + 0.008
25 3.6+ 0.3x 10-8 1.025 + 0.006
50 3.9+ 03x 107 1.31 + 0.03
100 1.4+ 02x 1077 0.94 + 0.02
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pH
3.6
4.1
52
6.0
6.5
6.9
1.3
7.7
9.5

[EDTA] (mM)
25
5
2.5

Table 4.4
Reaction First Order Fit Parameters for Mn(II)EDTA Disappearance
[EDTA] =25mM

2
92
99

999
999
996
998
998
999
999

r2
9999
997
970

k(s~D) C(0)/Ct
1.7+ 05x 104 62+ .04
9.0+ 1x 104 1.12 + .06
3.4+ 0.1x 1073 1.24 + .03
3.8+ 0.2 x 10-3 0.39 + .01
37+ 03x103 0.59 + .03
21+0.1x103 0.62 + .01
1.4 + 0.05 x 10-3 0.57 + .01
1.08 + 0.02 x 10-3 0.648 + .005
3.8+ 0.07x 104 0.689 + .004
Table 4.5
Reaction First Order Fit Parameters for Mn(II)EDTA disappearance
pH 6.8
kD C(0)/Ct
1.160 + 0.005 x 10-3 0.563 + .002
1.7+ 0.1x 104 0.607 + .007
8.0+0.8x10°5 0.625 + .007
57+ 05x 106 0.78 + .02

0.5
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Table 4.6
First Order Fit Parameters for Mn(III)CIT Disappearance

[CIT] =0.2M
pH k(s C0)/Ct r2
6.1 1.6+0.2x 105 1.00 + .05 .99
6.8 6.4 + 0.8 x 106 0.96 + .07 .97
8.5 3.6+ 1.x 106 1.03 + 08 97
9.2 1.86 x 10-6 1.0 -
9.8 1.92 x 106 1.0 -
Table 4.7
First Order Fit Parameters for Mn(III)CIT Disappearance
pHp=6.0
[CIT] (mM) k(s C)/Ct r2
25 7.78 x 10-6 .85 -
5 9.72 x 106 .46 -
2.5 9.17 x 106 4 -
1 1.25 x 105 .56 -
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Figure 4.1a
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Figure 4.1 Disappearance of Mn(1II)P207 complex - dependence on pH. Plot of
calculated concentration of Mn(III)P2O~ divided by total Mn (C/Cr) versus time.
Three different pHs are shown: (- 6.94, @ - 7.33, A - 8.04, and M - 8.98. Points
above. 1.0 are due to either unreacted MnQj4- or to solids formation. Excess ligand
acted as the pH buffer. Total Mn was 0.5mM and total P70~ was 25mM. The lines are
first order fits. Part b shows a blow up of the lower left corner of part a.

89



Figure 4.1b
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Figure 4.1 Disappearance of Mn(III)P2O7 complex - dependence on pH. Plot of
calculated concentration of Mn(lII)P,0~ divided by total Mn (C/CT) versus time.
Three different pHs are shown: O - 6.94, @ - 7.33, A - 8.04, and M - 8.98. Points
above 1.0 are due to either unreacted MnQOj4- or to solids formation. Excess ligand
acted as the pH buffer. Total Mn was 0.5mM and total P207 was 25mM. The lines are
first order fits. Part b shows a blow up of the lower left comer of part a.



Figure 4.2
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Figure 4.2 AG of disproportionation of Mn(II[)P207 complexes. Plot of AG of
disproportionation of Mn(III)P207 versus pH. The solid line is for the complex

Mn(P207)23- and the dotted line is for the complex MnP207-. A Mn:P2O7 ratio of
1:50 was assumed. A ratio of Mn(III):Mn(II) = 10 was assumed. Solution conditions

are T = 250C and I = 0.3M. The equilibrium constants of Gordienko et. al. (12) were
used.
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Figure 4.3
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Figure 4.3 Disappearance of Mn(III)P207 complex - dependence on li gand. Plot of
calculated concentration of Mn(I1I)P207 divided by total Mn (C/Cr) versus time.
Five different ligand concentrations are shown: ® - 5mM, Il - 12.5mM, A - 25mM,

4 - 50mM, and A - 100mM. Points above 1.0 are due to either unreacted MnO4- or

solids formation. Excess ligand acted as pH buffer. Total Mn was 0.5mM and the pH
was 7.8. The lines shown are first order fits.
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Figure 4.4
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Figure 4.4 Disappearance of Mn(IIDEDTA complex - dependence on pH. Plot of
calculated concentration of Mn(IIMEDTA divided by total Mn (C/Ct) versus time.

Nine pHs are shown: @ -3.6, M - 4.1, A -52, ¢-60,0-6.5,0-69,A-73, +-
7.7, x-9.5. Excess EDTA was used as a pH buffer. Total Mn was 0.5mM and total
EDTA was 25mM. Lines shown are first order fits.
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Figure 4.5
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Figure 4.5 Half life for Mn(III)EDTA complex disappearance. Plot of half life of the
Mn(III)EDTA complex versus pH. Half lives were taken from figure 4.4. The plot
shows two distinct species with a transition near pH 5. Conditions were total Mn =
0.5mM and total EDTA = 25mM.
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Figure 4.6
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Figure 4.6 Rate constants for Mn(II)EDTA complex disappearance. Plot of log(k) for
the loss of Mn(III)EDTA versus pH. log(k)s were obtained from first order fits of
figure 4.4. Conditions are the same as for figure 4.4. Two linear fits are shown one for
the MnHEDTA complex and one for the MnEDTA complex.
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Figure 4.7a
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Figure 4.7 Disappearance of Mn(lIHEDTA complei - dependence on ligand. Plot of
calculated concentration of Mn(III)EDTA divided by total Mn (C/CT) versus time.
Four different ligand concentrations are shown: @ - 0.5mM, B - 2.5mM, A - 5mM,

and @ - 25SmM. TES was used as a pH buffer. Total Mn was 0.5mM and the pH was
6.8. First order fits are shown. Part b shows in more detail the first hour of reaction.
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Figure 4.7b
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Figure 4.7 Disappearance of Mn(III)EDTA complex - dependence on ligand. Plot of
calculated concentration of Mn(II)EDTA divided by total Mn (C/Ct) versus time.
Four different ligand concentrations are shown: @ - 0.5mM, B - 2.5mM, A - 5mM,
and 4 - 25mM. TES was used as a pH buffer. Total Mn was 0.5mM and the pH was
6.8. First order fits are shown. Part b shows in more detail the first hour of reaction.
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Figure 4.8
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Figure 4.8 Rate constants for Mn(III)EDTA complex Disappearance. Plot of -log(k)
for the Mn(III)EDTA loss reaction versus -log[EDTA]. log(k)s were obtained from

first order fits of Figure 4.7. Conditions are the same as in that figure. A linear fit is
shown. ‘
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, Figure 4.9
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Figure 4.9 Disappearance of Mn(III)EDTA complex - dependence on light. Plot of
calculated concentration of Mn(III)EDTA divided by total Mn (C/Cr) versus time.

Effect of light is shown. Os were in the light and Qs were in the dark. Dark sample
'was wrapped in tin foil and stored in a dark cupboard. Light sample was exposed to

normal laboratory light. Total Mn was 0.5mM, total EDTA was 25mM, and pH was
8.8.
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Figure 4.10
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Figure 4.10 Disappearance of Mn(II)EDTA complex - dependence on I. Plot of
calculated concentration of Mn(III)EDTA divided by total Mn (C/CT) versus time.
Effect of ionic strength is shown. @s are for [ = 0.5M and Bs are for I = 5M. lonic
strength was adjusted using NaClO4. Total Mn was 0.5mM, total EDTA was 25mM
and pH was 8.0.
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Figure 4.11a
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Figure 4.11 Disappearance of Mn(III)CIT complex - dependence on pH. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/Cr) versus time. Five
pHs are shown: A-6.1, @-6.8, ¢ -85, 0-9.2, and B -9.8. Total Mn was lmM
and total citrate was 200mM. All solutions were in contact with the atmosphere.
Excess ligand was used as the pH buffer. First order fits were drawn using points up
until increases in absorbance were noted. This ends up being a day for pHs above 8
and a week for pHs below 8. Part b shows more detail of the first week.
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Figure 4.11 Disappearance of Mn(III)CIT complex - dependence on pH. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/Cr) versus time. Five
pHs are shown: A-6.1, @ -6.8, ¢ -85, O-9.2, and B - 9.8. Total Mn was 1mM
and total citrate was 200mM. All solutions were in contact with the atmosphere.
Excess ligand was used as the pH buffer. First order fits were drawn using points up
until increases in absorbance were noted. This ends up being a day for pHs above 8
and a week for pHs below 8. Part b shows more detail of the first week.
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Figure 4.12
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Figure 4.12 Rate constants for Disappearance of Mn(IITI)CIT complex. Plot of -log(k)
for the loss of Mn(III)CIT versus pH. log(k)s were obtained from first order fits of the

initial rate in Figure 4.11. Conditions are the same as in that figure. A linear fit is
shown.

103



Figure 4.13a
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Figure 4.13 Disappearance of Mn(III)CIT complex - dependence on oxygen. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/Cr) versus time. Two
sets of pHs are shown, each with an air saturated run and an oxygen depleted run. @s
represent pH 9.1 with oxygen absent. As represent pH 9.2 with oxygen present. Os
represent pH 7.4 with oxygen absent. s represent pH 6.8 with oxygen present. Total
Mn is 0.5mM and total citrate is 25SmM. Oxygen depleted samples were bubbled with
N> for an hour before the run began and kept in a parafilm sealed spectrophotometric
cell. Part b shows more detail of the first week of reaction.
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Figure 4.13 Disappearance of Mn(III)CIT complex - dependence on oxygen. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/CT) versus time. Two
sets of pHs are shown, each with an air saturated run and an oxygen depleted run. @s
represent pH 9.1 with oxygen absent. As represent pH 9.2 with oxygen present. Os

represent pH 7.4 with oxygen absent. s represent pH 6.8 with oxygen present. Total
Mn is 0.5mM and total citrate is 25mM. Oxygen depleted samples were bubbled with

N2 for an hour before the run began and kept in a parafilm sealed spectrophotometric
cell. Part b shows more detail of the first week of reaction.
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Figure 4.14
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Figure 4.14 Oxidation of Mn(II) in the presence of citrate. Plot of calculated
concentration of Mn(III)CIT versus times. Data show appearance of Mn(III)CIT from
Mn(II) solution at two pHs: Qs for pH 8 andO.s for pH 7.5. Total Mn is 0.5mM and
total citrate is 25SmM. The samples are exposed to laboratory air.
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Figure 4.15a
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Figure 4.15 Disappearance of Mn(III)CIT complex - dependence on ligand. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/CT) versus time. Four
ligand concentrations are shown:@ - 1.0mM, A -2.5mM, O - 5mM, and O - 25mM.
Total Mn was 0.5mM. Bicarbonate buffers were used to control pH. Initial pH was
6.0. Degassing of CO7 led to a steady but uniform pH rise in all 4 samples. First order
fits are shown using the first two days of data. Part b shows the first 2 days in closer
detail.
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Figure 4.15b
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Figure 4.15 Disappearance of Mn(III)CIT complex - dependence on ligand. Plot of
calculated concentration of Mn(III)CIT divided by total Mn (C/Ct) versus time. Four
ligand concentrations are shown:@ - 1.0mM, A - 2.5mM, O - 5mM, and O - 25mM.
Total Mn was 0.5mM. Bicarbonate buffers were used to control pH. Initial pH was
6.0. Degassing of CO2 led to a steady but uniform pH rise in all 4 samples. First order
fits are shown using the first two days of data. Part b shows the first 2 days in closer
detail.

108



Figure 4.16
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Figure 4.16 Rate constants for disappearance of Mn(III)CIT complexes. Plot of
-log(k) for the Mn(III)CIT initial loss versus -log[CIT]. log(k)s were obtained from
first order fits of the initial rates of Figure 4.15. A linear fit is shown.
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MnOOH DISSOLUTION BY LIGANDS
5.1 Introduction

Having established that Mn(IIT) complexes can be kinetically long lived
species in pH ranges prevalent in natural waters, it is necessary to consider possible
sources of Mn(Ill) present in such systems. In considering sources of Mn(II)
complexes there are three possibilities: oxidation of Mn(Il), dissolution of solid phase
Mn(I1I), or reduction of Mn(IV) solids. All of these processes would require the
presence of significant amounts of stabilizing ligands.

Oxidation of Mn(II) would have to be considered a primary source of Mn(III),
as Mn(II) is the most abundant form of Mn in many natural waters. In order for the
oxidation of Mn(II) to produce Mn(III) complexes, signifiéant amounts of ligand need
to be present upon oxidation of the Mn(II). This appears unlikely in open water
columns and only appears likely in sediments, soils, and other areas of high biological
activity. Although the presence of stabilizing ligands, such as citrate, has been found
to accelerate the oxidation of Mn(II)(1), the rates are still slow and are unlikely to
contribute significantly to formation of Mn(III) complexes. The most likely
environment for production of Mn(III) complexes in natural systems would be in
areas of high biological activity. Such biological processes are likely to be a
significant source of Mn(I1II) complexes in natural systems if they do indeed exist.
Production of Mn(IIl) complexes by biological processes has been well-studied (2-
8)and will not be addressed further in this study.

The dissolution of Mn(Ill) solids can be seen as also related to the oxidation
of Mn(1l), since Mn(Ill)-containing solids have been found to be the product of
Mn(II) oxidation in most biotic and abiotic oxidation processes. The Mn(IlI) solids
are then an intermediate stage between Mn(IT) and Mn(III)L. This path may be of
interest because it allows the oxidation of Mn(II) to occur away from sources of the

stabilizing ligands. For example, Mn(II) could be oxidized to Mn(III)-containing
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particles in the water column. The particles could then sink to the sediments where
there are much higher concentrations of ligands such as polyphosphates and organics.
Such a process is outlined in Figure 5.1. This pathway of Mn(IIl) formation has
received little study and is the one investigated in this chapter.

Reduction of Mn(IV) in the presence of stabilizing ligands is the third
possibility for formation of Mn(IIl) complexes. This is an interesting possibility,
although studies to date that have examined reduction of Mn(IV) oxides by organics
have found no evidence of Mn(IIl) intermediates(9). Several studies have shown that
some organic ligands can stabilize Mn(IV)(10-18) but the issue of formation from
solid phase Mn(IV) has not been addressed. This questior; will not be addressed by
this study and remains an open one.

5.1.1 Mn(III) solid phases

Evidence for the existence of long lived Mn(III)-containing phases has been
accumulating in the last twenty years. Kessick and Morgan (19) found MnOOH to be
the primary product of their laboratory oxidation experiments, using formula weight
and average oxidation state to make the determination. Stumm and Giovanoli (20)
also found MnOOH as the product of Mn(II) oxidation. They identified the product as
Y-MnOOH and postulated a Mn304 intermediate. They suggested that in natural
systems these particles would be difficult to detect because they would form very
small colloidal particles. Such particles would be ideal candidates for dissolution
reactions because the high surface area to mass ratio would allow more ligand to bind
at the surface. Hem (21-24) reported a series of experiments examining the products
of Mn(II) oxidation. He found that the oxidation goes through a series of Mn(II)-
containing mineral phases before eventually forming MnO». The mineral phases that
were predominant were dependent on temperature and the anions present. 3-MnOOH
was the Mn(III) phase formed most commonly. This was the initial mineral phase

produced at temperatures near 0°C. At higher temperatures, Mn304 was found to
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form intermediately before MnOOH. o— and y -MnOOH were produced if sulfate
was present in the solution. Murray et. al. (25) examined the oxidation of Mn(II) at
pH 9 and 25°C. They found that the reaction proceeded through Mn304 and
B-MnOOH intermediates before arriving at a long lived y-MnOOH product. They also
examined the surface of the intermediates using spectroscopic and microscopic
techniques and found that in the hausmanite phase Mn(III) was predominant at the
surface. This is significant as Mn(IIT) would then be readily available for surface
reactions such as dissolution. Junta et. al. (26) also used spectroscopic and
microscopic techniques to examine Mn(II) oxidation on oxide surfaces. They found
that all the oxidation products contained Mn(III) with B-MnOOH being the
predominant phase. All of these studies show that Mn(IIl) solid phases are products
of the oxidation of Mn(II). B-MnOOH seems to be the predominant phase, while y-
MnOOH and Mn 304 could also form in significant amounts.
5.1.2 MnOOH reactions

Little work has been done to characterize the types of reactions that MnOOH
and other Mn(I1I)-containing minerals might undergo in natural systems. Johnson and
Xyla (27) synthesized Mn oxides in the laboratory and examined the oxidation of
Cr(III) by the Mn oxides. They found the oxide MnOOH to be the one that oxidized
Cr(II) most rapidly. They also found that organic compounds slowed down the
reaction. They reported a rate law and stoichiometry for the reaction. Xyla et. al. (28)
examined the dissolution of MnOOH in the presence of oxalate. They found that light
had no effect on the reaction, unlike the behavior of Fe oxides. They reported
dissolution of the MnOOH to produce Mn(Il) in solution, i.e. a reductive dissolution.
Kostka et. al. (29) used dissolution of MnOOH by pyrophosphate to synthesize
Mn(III) pyrophosphate complexes. They do not report details of the reaction. These
few studies by Kostka and Xyla show that MnOOH can be dissolved both reductively

and nonreductively. However, they leave unresolved many specifics of these
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processes. The types of ligands which can dissolve MnOOH and the effects of
chemical variables such as pH need to be examined in order to better understand the
reactions of Mn(I1I) solids in aqueous systems.
5.1.3 This Study

This study has examined the dissolution of a Mn(III)-containing oxide in the
presence of the ligands discussed in Chapter 4, i.e. pyrophosphate, EDTA, and citrate.
MnOOH was chosen as the oxide to use because it is the most prevalent oxide
produced by oxidation of Mn(1I) under natural conditions. Both the oxidation state of
the remaining solid and that of the dissolved species were monitored to determine the
extent of dissolution that occurred and whether dissolution occurring was reductive or
nonreductive.
5.2 Experimental
5.2.1 Solids preparation

The solids were prepared by the method used by Johnson and Xyla(27): 0.06
moles of MnSOy4 was added to 1.0 | of water. The pH was then raised by adding 300
ml of a 0.2M NH3 solution. Then 20.4 ml of 30% H»O7 were slowly added dropwise.
The suspension was then heated to 90°C for one hour and aged for two weeks. The
suspension was then oven dried at 60°C, crushed and stored in polyethylene tubes
before use.
5.2.2 Solids characterization

Three 0.1g samples of the solids were analyzed using the iodine titration
method to determine oxidation state. The formaldoxime method was also used to
determine total Mn and from that a formula weight. The results of these analyses are
given in Table 5.1. The results give the average oxidation state as 3.0, indicating that
the synthesis was successful and the solids are largely Mn(III). The formula weight
was found to be 100 + 3 g/mole Mn. This is consistent with a MnOOH oxy-hydroxo

solid with one water of hydration. Although these results indicate that the solids are
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Mn(III) solids and appear to be MnOOH, the data do not definitively tell that other
phases are not present or the mineral structures. Therefore X-ray diffraction patterns
were taken for the solids.

The X-ray diffraction patterns are shown in Figure 5.2. Various Mn oxide
standard diffraction patterns are shown in Figure 5.3 - 5.5. The lack of a strong line at
around 579 rules out the possibility of any MnO; phases as shown in Figure 5.3.
Figure 5.4 shows standards for several Mn(IIl)-containing minerals other than
MnOOH. Absence of the peak at 229 rules out bixbyite. Hausmanite; however, shows
a good match for all the peaks except for the ones at 24° and 49°.This makes it likely
that hausmanite is one of the phases present. The peaks at 240 and 49° indicate
another phase. The oxidation state analysis also gives an average oxidation state of
3.0. If hausmanite were the major phase the oxidation state should be closer to 2.67
not 3.0. Therefore hausmanite cannot be the major mineral phase present. Having
ruled out Mn(IV) solids that means that the major phase must be a pure Mn(III)
phase, most likely MnOOH.

Figure 5.5 shows the standards for the various MnOOH phases. Manganite
and groutite are eliminated because they do not have a peak at 249. Feitknechtite
does; however, match the peak and is the other phase present. Therefore the synthesis
was fairly successful and produced a solid phase that is largely feitknechtite (B-
MnOOH) with some contamination of hausmanite. The X-ray diffraction method
does not allow determination of the percentages of each phase. The iodine titration
results allow a cap to be put on the amount of hausmanite. No more than 10-20% of
the solids could be hausmanite and still allow for the oxidation state obtained.

The pHype was determined using the particle velocity measurements described
in Chapter 2. The pHypc was determined to be 6.2 + 0.2. This agrees well with the 6.1
reported by Xyla et. al. for y-MnOOH (28).
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5.2.3 Experimental procedure

The dissolution experiments in this chapter were carried out in a two-liter
glass reactor. Prior to the start of the experiment the reactor was filled with 1.5 liters
of deionized distilled water. Enough ligand was added to bring the concentration to
the desired level for the experiment. When the ligand had dissolved pH was adjusted
to the desired pH using concentrated perchloric acid or sodium hydroxide. Once the
pH was stable, the powdered solids were added to the vessel and the reaction was
begun. Solids were kept suspended using a magnetic stir bar.

Generally 25 ml of sample were withdrawn using a glass pipette. If a large
extent of dissolution had occurred then larger samples were taken. The sample was
filtered through a 0.05um nucleopore polycarbonate filter. Once the filtering was
complete an aliquot of filtrate was withdrawn and measured spectrophotometrically
for absorbance of Mn(III) complexes. A second aliquot was measured for total Mn
using the formaldoxime method described in Chapter 2. The solids were analyzed for
their average oxidation state using the iodine titration method described in Chapter 2.
5.3 Results and Discussion
5.3.1 Pyrophosphate
5.3.1.1 Effect of pH

Figures 5.6 and 5.7 show the results for the dissolution of MnOOH solid by
pyrophosphate at two different pHs. Figure 5.6 shows the appearance of solution
species versus time. Solid symbols represent the Mn(III)P207 complex. Open
symbols represent total dissolved Mn. Although some of the values for Mn(III)P20~
are larger than total Mn, the points are well within experimental error of each other.
Therefore all the dissolved Mn is believed to be present as the Mn(III) complex. In a
time of one day nearly all the solids were dissolved.

The lines shown are first-order fits to the data. The fit was of the form:
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[Mn] = [Mn]-(1 - exp{-Kk"-1)) [5.1]

The rate is twice as fast at pH 6.5 as it is at 7. The rate constants are: k = 3.0 +0.2x
10-5s- 1 at pH 7, and k = 5.0 + 0.8 x 10-5 s-1 at pH 6.5. A run at pH 8, shown in
Figures 5.9 and 5.10, showed a slower rate than either of the lower pH runs, although
not directly comparable because of different solids and ligand concentrations. It is
apparent that the reaction proceeds faster at lower pH.

If it is assumed that the solids concentration and pyrophosphate concentration
do not have a large effect on the rate, then the pH 8 run can be compared with the two
6ther pH runs to evaluate the quantitative effect of pH on reaction rate. This
assumption is plausible if the total pyrophosphate is large enough that the surface is
saturated with pyrophosphate at all solids concentrations. The pH 8 run has a
P207:Mn ratio of 50:1 and is almost certainly saturated. The pH 6.5 and 7.0 runs have
P707:Mn ratios of 10:1. It does not seem unreasonable to assume that this is sufficient
to give saturation of the surface. Therefore the comparison will be made assuming
that in all 3 cases the surface is saturated with pyrophosphate. Figure 5.8 shows a plot
of log k™ versus pH for the 3 different pH runs. k* is the psuedo-first order rate

constant. A linear fit gives the relation:

K* = k- [H*]""‘" [5.2]

where k = 10-1-27 M-0.46 §-1 and is the intrinsic rate constant assuming that all
concentrations other than [H*] are constant. The non-integer power of [H*] suggests a
complex dependence of the rate on pH. The simplest mechanism possible for the
dissolution is the binding of the pyrophosphate at a surface site and the subsequent

release into solution as shown in equations 5.3 and 5.4:
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(not all equations balanced with respect to charge)

>MnOH + P,03° & >MnP,03 + OH [5.3]
>MnP,03~ — MnP,0; + .. [5.4]

If equation 5.4 is the rate limiting step then the rate expression can be given by

d[> MnP207]
dt

= - kq:[> MnP,0,] [5.5]
where kg is the rate constant for dissolution in s-}. Equation 5.5 can be written in

terms of the equilibrium of equation 5.3 giving

d[> MnP207] _ kd ’ Ka ) [> MI\OH] ) [PZO%-]

a4 = [OH"] [5.6]

where K, is the adsorption constant for pyrophosphate and is unitless. Further
expressing equation 5.6 in terms of the acid base equilibria of the surface sites and the

pyrophosphate in the pH range of 6.2 to 8.4 would yield

d[>MnP,0,] _ ka'Ki[> MnOH]-[P,057] K4 Ky -[H']

dt Kw'([H+]2 + Ksa]'[H+} + Ksa]'Kszﬂ)

[5.7]

where Kg,'s are the acidity constants for the surface sites in M, Ky is the ion product
of water in M2, and [>]t is the total concentration of surface sites in M. The pH
behavior will depend on the acidity constants of the surface. If the neutral and
negative surface sites are both significant this could yield a dependence on hydrogen

ion that appeared to be to the one-half power. The expression would also change
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somewhat as the reaction proceeded to near completion and [>]T was no longer a
constant term. Most likely then the observed results can be explained by reactions 5.3
and 5.4.

Figure 5.7 shows the average oxidation state of the solids for two different
pHs. Overall there is little evident trend in the data. There may be a slight rise in
oxidation state, but this is barely larger than the error bars. If there is a slight rise in
oxidation state it could be because of disproportionation of Mn(IIl) in solution giving
rise to precipitation of some MnO». Overall, the oxidation state data verify that the
dissolution is a nonreductive process. There is no lowering of the oxidation state so it
is unlikely that reductive dissolution is occurring, a conclusion verified by.
measurement of solution species. Any rise in oxidation state is caused either by a
slow oxidation of the solids by oxygen or precipitation of MnO from the solution

phase.

5.3.1.2 Effect of solids concentration

Figure 5.9 shows the appearance of solution phase Mn from MnOOH
dissolution versus time for two different solids concentrations. Closed symbols
represent the Mn(I1II)P207 complex and the open symbols represent total dissolved
Mn. In most cases the points are within éxperimental error of each other. It does seem
that for the 1g/1 run there is slightly more dissolved Mn than accounted for by the
Mn(III) complex. This may result from either excess Mn(II) left over from the
synthesis or from the dissolution of hausmanite, Mn3O4. For both solids
concentrations about 90% of the solids are dissolved in the first 2 to 3 days, followed
by a much slower dissolution rate.

Lines shown are first order fits to the data, using the expression in equation
5.1. The reaction rate constants are the same within experimental error for both solids

concentrations. The rate constant for the 1g/l run is 1.00 + 0.1 x 10-5s-1, and the rate
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constant for the 0.2g/l1 run is 1.03 + 0.1 x 10-3 s-1. This shows that solids
concentration has little effect on the rate constant in the range studied.

Although it may seem surprising at first that the rate is independent of solids
concentration, it is really to be expected. Although surface reactions are usually
written in terms of moles per surface area and found to be first order in surface area,
this assumes that total surface area is a constant. When significant dissolution occurs
then surface area is not a constant and the rate constant required to fit the data
becomes independent of the mass of solids as can be seen in the following derivation.

If the rate of dissolution of the solid is written as:

d[MnL]

” k;-m, -a-(>MnL) [5.8]

where k1 is the rate constant of dissolution in s-1, mg is the concentration of solids in
g/1, a is the surface area of solids in m2/g, and <>MnL> is the concentration of
surface sites occupied by the ligand in mol/m?2, then the rate can be written in terms
of surface sites according to the equilibrium constant for ligand adsorption reaction as

shown in reaction 5.3.

dMnL] _ k;-K,-a-m,-[L]-(>MnOH)
dt [on]

[5.9]

where Kj is the equilibrium expression for adsorption. This can be rewritten in terms
of total ligand and total surface sites using o, and o the fraction of ligand in the
unprotonated form and the fraction of surface sites in the >MnOH species
respectively.

d[MnL] ki K, a-mg-[L]p-(Ghp-op -0

— = forr [5.10]
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If most of the solids remained as solids and <>>T could be taken as a constant then
5.10 would describe the dependence and would depend directly on mg. However, this

is not the case. Instead mg is proportional to the amount of solids present

mg = B-[Mn]_.4 [5.11]

This can be related to total Mn by

Mnp = [Mn]aq + [Mn] .4 [5.12]

where [Mn],q is the total amount of dissolved Mn in M and [Mn]soliq is the total
concentration of solids in M. Substituting into equation 5.10 gives
d[MnL] ki -Ke-a-[Llp-(>)p -0y -0

a B-Jor] ~([Mn]T - [Mn]aq) [5.13]

defining k" as

kl'Ke'a'[L]T'<>)T'aL Ol
o]

[5.14]

yields

d[MnL]
dt

= «"-([Mn} - [Mn],) [5.15]

This is the same form that was used to fit the dissolution data. Therefore the rate

constant k", which is equivalent to the k™ of equation 5.1, is independent of mass
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concentration of solids. There is a dependence on surface area; however, it is a
specific surface area which can be assumed to be the same for the same mineral.

To check this analysis the initial rates can be examined at a point when less
dissolution has taken place and the assumption of constant surface sites is better. If
the first two points are taken in the data of Figure 5.9 and fit with a simple zero order
fit, as suggested by equation 5.10, the resulting rate constants do indeed show a
dependence on the solids concentration. The rate constants calculated are 0.0052
M:s-1 for the 1 g/l run and 0.00060 M-s-1 for the 0.2 g/l run. The dependence turns out
to be to the approximately 1.4 power if it is assumed that the formula weights of the
solids in both experiments were 100 g/mol. This would give solution concentrations
of ImM and 0.2 mM respectively.

However; examining the data for the 0.2 g/l experiment shows that the
dissolution levels out at 0.1ImM. At this point there were no detectable solids
remaining. This result is the same regardless of whether the Mn(III) complex, total
dissolved Mn, or solids concentration is examined. All three lines of evidence point to
a total Mn concentration in the system of 0.1 mM. Either half of the Mn in the system
has gone into an undetectable form or there was an error in weighing the solids. The
first possibility seems unlikely, as it would be difficult to imagine how that quantity
of Mn could be lost. The second possibility is much more likely. If it is considered
that the 1 g/l experiment was conducted within a few days of synthesizing the solid,
while the 0.2 g/l experiment was conducted over a month later, a possible explanation
arises. It 1s possible that while the initial analysis showed one water of hydration this
was not an equilibrium value. The solids may have adsorbed additional water between
the two experiments. While it might seem difficult to believe this could result in a
doubling of the formula weight, this actually would only require an additional five
waters of hydration. This would mean that the solid formula weight rose from 100

g/(mol Mn) initially to 200 g/(mol Mn) for the second experiment. In fact if all of the
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other dissolution experiments are examined the total Mn concentrations found in them
correspond to 1 mol of Mn per 200 g of solid added. Therefore it will be assumed that
the formula weight of the solid was 200 g/(mol Mn) for all but the 1 g/l MnOOH-
P20O7 experiment.

Taking this factor into account the dependence on the solid concentrations of
the initial zero order dissolution rates is to the 0.94 order of solids concentration,
which is within experimental error of the first order dependence predicted by equation
5.10. This result demonstrates that the rate constant for complete or near complete
dissolution is independent of the concentration of solids, while the initial rate is
dependent on solids concentration.
5.3.1.3 Effect of Ligand

Another interesting thing to note is that the pH 6.5 and 7.0 runs shown in
Figure 5.6 are at a ratio of ligand:Mn of 10:1. In Chapter 4 this ratio was inadequaté
for stabilization of the Mn(II)P2O~7 complexes synthesized from MnO4- and Mn(II).
Therefore it appears that the dissolution method is able to produce kinetically inert
Mn(IIl) complexes at lower ligand excesses. The seeming added stability must be
kinetic as the product is the same. It may be because of Mn(IV) or Mn(V)
intermediates that may be involved in the reduction of Mn(VII). The energy barrier
for these intermediates to form MnO3 solids may be smaller than that for forming
Mn(III) complexes. Thus the Mn(VII) reaction would require more ligand to make the
loss of an extra electron to form Mn(Ill) energetically favorable. Mn(III)-containing
solids do not need to undergo any redox reactions and therefore may require less

ligand to stabilize the Mn(IIl) complexes.

5.3.1.4 Oxidation State
Figure 5.10 shows the average oxidation state of the solids versus time. Again

there appears to be a slight upward trend of the oxidation state but it is difficult to
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distinguish it from random scatter. Interestingly, in the 1g/l run there was an initial
dip in the oxidation state of the solids. It is a significant drop and is more than can be
explained by error in measuring volume or in knowing the concentration of the
standards. The oxidation state levels out around an average oxidation state of 2.6
which is about the oxidation state of hausmanite. The most likely explanation for this
drop in oxidation state is the selective dissolution of MnOOH in preference to the
hausmanite phase. This would seem likely, given the observation by Murray et. al.
(25) that in mixed phases MnOOH dominates the surface and Mn3O4 is in the
interior. The effect is probably not noticed in the experiments described previously in
this chapter because they were much more rapid so that the interior layers of the
particles were being dissolved more rapidly and thus not remaining isolated from the
solution for significant periods of time.

These data are all consistent with reactions 5.3 and 5.4 giving the release of
the unprotonated species into solution. This is also consistent with the observations of

the solution phase reaction.

5.3.2 EDTA

Figures 5.11 and 5.12 show the concentration of solids and solution species
versus time for dissolution of MnOOH by EDTA at two different pHs. In both cases
only total Mn is shown as no Mn(III)EDTA complexes were dctected' in solution.

In these two experiments both excess of EDTA and pH were varied. Although
this does not allow a clear interpretation of the effect of either variable it allows
insight into both with fewer experiments. In both cases the dissolution is rapid and
complete.

The reaction is much faster at lower pH and higher EDTA excess than at
higher pH and lower EDTA excess. Rate constants were found using a first order rate

expression to fit the solids concentration and the expression in equation 5.1 to fit total
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Mn. The first order rate constant for pH 8.0 is 6.83 + 0.05 x 10-5 s-1, and the rate
constant at pH 7.0 is 1.8 + 0.8 x 10-4 s-1. These results are consistent with both the
solution phase EDTA experiments and the pyrophosphate dissolution experiments.
The rates of both Mn(II)EDTA reduction and dissolution of MnOOH have been
found to be faster at lower pH. Mn(III)EDTA reduction has also been found to be
faster at higher EDTA concentration. Most likely; however, the pH is the dominant
effect since EDTA is in such large excess that the surface is probably saturated in
both cases.

Because the fit rate constant is independent of solids as explained in section
5.3.1.2, if the ligand has no effect on the rate constant then the change in rate constant
can be considered wholly the result of pH changes. This would occur if the surface
sites are saturated with ligand, which is likely. Considering this the case, the
dependence of the rate constant on [H*] is approximately 0.4 order. This is very close
to the result observed for pyrophosphate and is most likely the result of acid base
chemistry of the surface.

It is interesting that the dissolution in the presence of EDTA is an entirely
- reductive process, unlike that with the other ligands. This is not entirely surprising as
the reduction of the Mn(III)EDTA complexes was found to be quite rapid in solution.
Yet here, there was no evidence of even a transient Mn(1II) solution species. This
could be because of the inability of the EDTA to bind more than 2 coordination
positions at the surface, whereas the solution species would require 5 to 6
coordination positions to be occupied. Therefore on the surface the EDTA has at least
four coordination positions free which could bind other redox active species and thus
facilitate further electron transfer. This would allow the reduction to proceed even

more quickly than in solution where there are no free coordination positions.
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The reduction process could either be a surface binding of EDTA followed by
reduction or it could be an outer sphere reduction reaction. The following candidate

reactions are proposed (where not all species are balanced with respect to charge):

>Mn(IIHOH + EDTA* — Mn?* + EDTA*e + OH [5.16]
2>Mn(IIDOH + EDTA* — >Mn,(IHEDTA* + 20H [5.17]
> Mn,(IINEDTA>™ — > Mn(I)Mn(III)EDTA>" e [5.18]
> Mn(IDMn(IIDEDTA* ¢ — > Mn,(IDEDTA*": [5.19]
> Mn,(IDEDTA*": — 2Mn?** + EDTA?: [5.20]

The EDTA radicals would further react, giving off CO3 and then reacting with
oxygen to produce formaldehyde. The mechanism given by reactions 5.17 - 5.20
would be favored, givén what is known about EDTA adsorption onto surfaces and
reduction of solids(30-32). Although the solution reaction is outer sphere, it is the
electron transfer away from the EDTA that is the rate limiting outer sphere reaction in
solution. In solution because all 4 oxygen plus both nitrogens are coordinéted to the
metal any electron transfer must either be between the single Mn atom and the EDTA
or it must be outer sphere. Qn the surface this limitation does not exist. EDTA is
known to form bi and tetra nuclear complexes with iron(33,34). This shquld be
possible on manganese ag well. Xyla et. al. found that there were an average of 5 OH~
sites per nm?2 on y—MnOOH, close enough allow multinuclear binding. Therefore a
second inner sphere electron transfer can take place thus eliminating the need for én
outersphere transfer. Therefore the reduction is most likely occurring through surface
binding. The pH data would also support reactions 5.17 - 5.20 as the mechanism. This
proposed mechanism is shown in more detail in mechanism 5.1. Reaction 5.16 is a

simple outersphere electron transfer and should produce a simple first order
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dependence on pH. The observed data are much more consistent with an inner sphere
adsorption of the ligand.

The same experiments with MnOOH and EDTA have recently been
reproduced by Tian and Stone at the Johns Hopkins University (35). They used
capillary electrophoresis to identify the products of the reaction. They observed (in
addition to unreacted free EDTA) an Mn(II)-EDTA species, EDTriA
(ethylenediaminetriacétate), an Mn(IDEDTtiA complex species, and an unidentified
product peak. They saw no evidence of Mn(III)EDTA product, in agreement with the
results presented here.

There are few data on the oxidation state of the solids because the solids
dissolved so fast that it was difficult to collect enough sample to analyze. There did
seem to be a slight drop in the average oxidation state of the solids from 3.0 to about
2.8. This would agree with the mechanism in equations 5.17 to 5.20 where the
average oxidation state could be lowered if reaction 5.20 proceeded slowly.

5.3.3 Citrate

Figures 5.13 and 5.14 show the solution phase species concentrations versus
time for dissolution of MnOOH by citrate. Two different pHs and ligand
concentrations are shown. Diamond shaped symbols are for total Mn and circles are
for the Mn(1ll) citrate complex. Again citrate shows a complex and intermediate
behavior between EDTA and pyrophosphate.

The pH 7.8 run shown in Figure 5.13 did not in fact have a constant pH. In all
the other experiments described in this chapter the ligand concentration was sufficient
to maintain a constant pH within £+ 0.1 pH units. In this experiment; however, the pH
rose quickly to 9.0 within the first day and then fell back to 8.5 by the end of the
experiment. |

In the pH 7.8 run the first two days show a nonreductive dissolution, similar to

that exhibited by pyrophosphate, where all the dissolved Mn released is present as the
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Mn(III) complex. After about 50 hours the concentration of Mn(III) complex levels
off and then begins to drop. The total Mn concentration continues to rise slowly.
There are two possible explanations for this behavior. One is that the dissolution step
is entirely nonreductive and that as the Mn(III) complex is released to solution it then
begins to be reduced in solution. This mechanism can be represented by the reactions

(not all species balanced with respect to charge):

>Mn(IIHDOH + CIT* — >MndI)CIT> + OH [5.21]
> Mn(IIDCIT> -  Mn(IINCIT(aq) [5.22]
Mn(IIDCIT — Mn?* + CIT? e [5.23]

The other explanation is that the dissolution changes mechanisms, starting with a
nonreductive dissolution and then changing to a reductive dissolution. The
preliminary nonreductive dissolution would proceed according to reactions 5.21 to
5.23. Then the following reactions would become predominant in place of reaction

5.23.

>Mn(IIHCIT> — > Mn(IDCIT? o [5.24]
>Mn(ICIT> ¢ — Mn?* + CIT> e [5.25]

In both cases the citrate radical would undergo further decomposition. Such a
mechanism has been found in the dissolution of hematite by EDTA in a study by
Torres et. al. (30). In the case of EDTA this change in mechanism was found to be
caused by the build up of Fe(Il) in solution(36-37). The Fe(II) then formed a bridging
complex with the EDTA and a surface Fe(IIl). Electron transfer occurs through the
ligand reducing the surface Fe(IIl) and producing a solution Fe(III) complex. This

mechanism could not be ruled out for Mn and citrate but would seem unlikely. A
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bridging complex with citrate would most likely be much weaker than with EDTA.
Also if electron transfer occurred across a bridging ligand then the total amount of
Mn(IIDCIT in solution would remain relatively constant requiring reaction 5.23 to be
the rate limiting step for loss of Mn(III). This is possible but seems unlikely. What
would seem more likely is that the citrate radicals produced in reaction 5.23 go on to
react with a surface Mn(IIl) reducing it to Mn(II). This process would not occur to a
significant extent until the reaction had been proceeding a while but once sufficient
radicals built up the reduction of Mn(IIl) by the radicals would be quicker than
nonreductive dissolution.

Another ihteresting observation is that the pH 7.8 citrate dissolution
experiment is the only one in which a significant portion of the solids remained
undissolved. Only about 1.2 mM of the total 2.5 mM Mn present were dissolved.
Although the total Mn in solution is continuing to climb at the end of the experiment
it would appear to take a long time for total dissolution. If indeed all the dissolution is
nonreductive then it would seem that some sort of equilibrium is being approached. If
the dissolution changes mechanisms after the most ;eactive surface sites are
consumed, then it could be that the reduction is just very slow at the higher pH.

The pH 6.3 run is similar in behavior to the pH 7.8 run but is different in the
degree and speed of reaction. The pH was constant unlike the pH 7.8 case. The
dissolution of the solid is nearly complete in this run, unlike the result at pH 7.8. This
could either be because of a shift in the equilibrium, if the nonreductive dissolution is
the only important process, or because of a faster reductive pathway, if that becomes
an important process.

In the pH 6.3 run much less Mn(1II) citrate complex is produced. Again there
are two possibilities. One is that all the dissolution occurs by a nonreductive
mechanism, according to reactions 5.21 to 5.23, but the reduction of the aqueous

complex 1s much more rapid at pH 6.3. The other possibility is that the initial
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dissolution is nonreductive but is then taken over by a reductive process, described by
reactions 5.24 and 5.25. If this is this case then it would seem to imply that the
reductive process is much more favored by low pH than is the nonreductive process.
The foregoing data for citrate, taken together, seem to indicate that a two step
process is most likely. If one process were controlling then the behavior would be
expected to be simpler. At higher pH the nonreductive dissolution occurs first
releasing Mn(III)CIT and raising the pH by producing OH". Then, after about a day,
the reductive mechanism takes over, perhaps initiated by solution reduction of the
Mn(IIDCIT complexes by internal electron transfer yielding radicals which then react
with the solids to initiate a reduction reaction according to equation 5.26 (where not

all species balanced with respect to charge):

>Mn(II)OH + CIT*e - Mn?" + CIT: + OH [5.26]

The citrate would then further react with oxygen to give off CO2 and produce a
ketone. As Mn2* is formed the pH is lowered due to hydrolysis of the metal. In the
lower pH run the reductive pathway appears to predominate much earlier on,
probably due to a quicker reduction of the Mn(III)CIT complexes in solution leading
to further radical generation.

The total rate constant of the MnOOH dissolution reaction increases from 7.8
+1x100s 1 atpH7.81t05.0+ 2x 104 5! at pH 6.3. This shows that the reaction
rate is strongly dependent on pH. This would be expected as the pHypc of the solid at
pH 6.3 is approached and the repulsive forces betweeen the solid and ligand become
less intense.

If the dissolution rate is not dependent on ligand concentration, as a
consequence of saturation of the surface sites, then the difference in rates can be

attributed wholly to pH changes. Considering this to be the case gives a dependence
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of the rate on [H*] of the order of 1.2. This is different than the 0.4 to 0.5 observed
for pyrophosphate and EDTA. If reaction 5.26 becomes rate controlling this could
explain the difference. If reaction 5.26 occurs as an outersphere transfer as shown it
would give a first order dependence on hydrogen ion and not the fractional order
observed due to adsorption.

Figure 5.15 shows the average oxidation state of the remaining solids at pH
7.8. There is a slight drop in average oxidation state as the reaction proceeds. This
would support a surface reduction as shown in reactions 5.20 and 5.21. The evidence
suggests a mechanism given by equations 5.21 to 5.23 in the early stages with
equations 5.24 to 5.26 becoming important as the reaction proceeds. The overall
mechanism is shown in mechanism 5.2.
5.4 Conclusions

Overall, it has been shown that MnOOH solids can be a source of aqueous
phase Mn(III) complexes. Dissolution of the solids is faster at low pH. The pathway
of dissolution of MnOOH solids, whether reductive or nonreductive, depends on the
ligand used and the pH of the solution.
5.4.1 Pyrophosphate |

Pyrophosphate has been found to nonreductively dissolve MnOOH solids to
form aqueous phase Mn(IlI) pyrophosphate complexes. The rate constant is
30+ 02x10-5s1 at pH 7, and 5.0 + 0.8 x 10-5 s-1 at pH 6.5. The reaction rate is
proportional to the 0.4 power of the hydrogen ion concentration. The reaction is
independent of solids concentration for ligand:Mn ratios greater than 10:1. At pH 8.0
the reaction rate constant was 1.00 + 0.1 x 10-3 s-1. The reaction appears to be surface
controlled.
5.42 EDTA

EDTA has been found to reductively dissolve MnOOH solids. No evidence

was found for existence of Mn(III)EDTA solution phase product species. The reaction
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is faster at lower pH. At pH 8.0 the rate constant was 6.83 +0.05 x 103 s-1, and at pH

7.0 the rate constant was 1.8 + 0.8 x 10-4 s-1. The dependence on [H*] is

approximately 0.4 order. This is most likely the result of multiple electron transfer

occurring at the surface.

5.4.3 Citrate
Citrate has been found to show a complicated behavior in the dissolution of

MnOOH solids. There is first a rapid nonreductive dissolution producing

Mn(III)citrate complexes, followed by a period of increased production of aqueous

Mn(II) and loss of solution phase Mn(III). The rate constant at pH 7.8 is

7.8 + 1 x 106 5-1, The rate constant is 5.0 + 2 x 104 s-1 at pH 6.3. The dependence on

[H*] is close to first order, which implies a simple reaction step, possibly an outer

sphere reduction process. This process is most likely the reduction of surface Mn(1II)

by radicals produced by reduction of solution Mn(III) complexes.
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Mechanism 5.1
Proposed MnOOH-EDTA reaction scheme
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Mechanism 5.2

Proposed MnOOH-citrate reaction scheme
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Table 5.1
Redox Characterization of Synthesized Mn Solids

Sample Total Oxidized Molecular Formula
Manganese Manganese Weight (g)
(mM) (meq/1)
1 5.21 5.24 97.8 MnO1 503
2 4.70 4.82 100.1 MnO1.512
3 4.72 4.74 103.5 MnO1 502
Avg 100+ 3 MnO; 506 * .006
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Figure 5.1
Proposed Cycle for Formation
and Loss of Mn(III) Complexes

2+ oxidation
Mn +E O 2 surfaces and rm’cmbe;.- MnOOH (s)
2 A 2 s
218 .
e K <®
il g
513
= ligand promoted dissolution
Mn(lll)L(aq) = MnOOH(s)+ L

Figure 5.1 Proposed cycle for formation and loss of Mn(IlI) complexes. Schematic
diagram of a possible reaction cycle involving the production of aqueous Mn(II)
complexes. L is any Mn(III) stabilizing ligand.

137



FN:KKO607N.NT ID:MN ONIDE . . SCINTAG/ 0
DATE: 6/ 7/94 TIME: 2:472 Pr: 2.400 STEP 0,040 WL:1. 54009

FULL-COPY PCOPY PAGE TITLE CYCLE D ANGLE BND REPOS CURSOR

Figure 5.2

CPS g g4 2.5 .54
13.0 _ _ ﬂ_
ﬁb T
11.77 © oo} ~ 50
L2
~ ¢ Jw i
10. 4 ot ~ - 80!
© o
N ~ [
9. 17 N N @ 70
un
i g | : c,, &
>a
6 .57 > « oo UxL 50
’ o~ Y r 5 o~ T
o “ o
5. 2 " : ~ N~ - 50
~ o~ ~ ™ 0 NG
~ o> o~ (oI © !
o ol o @~ )
™~ ~ ~ . <r ~ <
3. 91 o _./2 nnw ~ — ~1 uOA.
o Yun ™ - «N
2.6 m - = NOM
z |
oy I
PR b m |
il | e |
0.0 T T T m_o T o_

138



Figure 5.3

FN:KKO607A.NI ID:MN OXIDE SCINTAG/USA
DATE: 6/ 7/94 TIME: 2:42 Pl 2.400 STEP:0.040 WL:1.54059
LCOPY CONTINUE NEXT-CARD END OVERLAP
CPS g g4 2.56 1.54 b
13.0 ' ! ~100
11.7- -~ 90
10.4- - 80
9.1~ -~ 70
7_8'" < - 60
6.5 — 50%
5.2- 4 =~ 40|
3.9- ! { | f - 30{,
e | ﬂ MMV‘ | J 1 M’m"k fl i f‘ MJ | Lv ‘l\,v J : fgj
237 i) e # Y LR \ Wi N bioop 0 i
oo A ,*“MWJ il W ettt o A i k), WV TSIV HT S
10 35 60 , ;
MANGANESE OXIDE / AKHTENSKITE, SYN
30,820 , o E
MN 02
24,735

14,644

MANGANESE OXIDE




Figure 5.4
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Figure 5.6

25 10°

- ,/.,-—4’—8
l . //,,; —
2.0 10° LT
N //’ yd
3 7 ’
g 1.5 10 E‘ /O, /
8 1.0 10° [ /c/
5.0 10° [/
0.010“%7"'"*'Llllln‘llxl.
0 0.2 0.4 0.6 0.8 1

time (days)

Figure 5.6 Dissolution of MnOOH by P207 - dependence on pH. Plot of
concentration of total Mn and Mn(III)P20O7 versus time for the dissolution of
MnOOH solid by Py07. Two different pHs are shown, 7.0 and 6.5. Both total
dissolved Mn and Mn(lII)P20O7 are shown. The symbols are: @ - Mn(II[)P,O7 pH 6.5,
O -Mn pH 6.5, B - Mn(IIT)P207 pH 7.0, Q - Mn; pH 7.0. The solids concentration is

0.5g/1 and the pyrophosphate concentration is 0.05M. Lines are first order fits to the
data.
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Figure 5.7
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Figure 5.7 Dissolution of MnOOH by P207 - solids oxidation state. Plot of the
average oxidation state of the solids versus time for the dissolution of MnOOH solids

by P20O7. Results from two different pHs are shown: O - 6.5, and Q - 7.0. The solids
concentration is 0.5g/1 and the pyrophosphate concentration is 0.05M.
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Figure 5.8
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Figure 5.8 Rate constants for dissolution of MnOOH by P704. Plot of log k (s-1)
versus pH for three different pHs. log k was determined by first order fits to the data.
At pH 6.5 and 7.0 the solids concentration is 0.5g/1, at pH 8.0 the solids concentration
is 1.0g/1. In all three cases the pyrophosphate concentration is 0.05M. The line is a
linear fit. :
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Figure 5.9
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Figure 5.9 Dissolution of MnOOH by P707 - dependence on solids. Plot of
concentrations of total dissolved Mn and Mn(III)P207 versus time for the dissolution
of MnOOH solids by P2O7. Two solids concentrations are shown, 1.0 and 0.2g/1.
Both total dissolved Mn and Mn(III)P20O7 are shown. The symbols are: @ -
Mn(IlI)P,O7 [solids] = 1g/l, O - Mn [solids] = 1g/l, B - Mn(III)P,07 [solids] =
0.2g/1, 1 - Mnq [solids] = 0.2g/1 The pH is 8.0 and the pyrophosphate concentration is
0.05M. Lines are first order fits to the data.
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Figure 5.10
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Figure 5.10 Dissolution of MnOOH by P20~ - solids oxidation state. Plot of the
average oxidation state of the solids versus time for the dissolution of MnOOH solids
by P207. Two different solids concentrations are shown: O - 1g/], and Q - 0.2g/1. The
pH is 8.0 and the pyrophosphate concentration is 0.05M.
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Figure 5.11
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Figure 5.11 Dissolution of MnOOH by EDTA - pH 8.0. Plot of concentrations of
total suspended solids and total dissolved Mn versus time for the dissolution of
MnOOH by EDTA. Concentration of solids, @; and total dissolved Mn, 4; are

shown. The pH is 8.0, the solids concentration is 0.5g/1, and the EDTA concentration
15 0.025M.
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Figure 5.12
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Figure 5.12 Dissolution of MnOOH by EDTA - pH 7.0. Plot of concentrations of
total suspended solids and total dissolved Mn versus time for the dissolution of
MnOOH by EDTA. Concentration of solids, ®; and total dissolved Mn, ¥; are
shown. The pH is 7.0, the solids concentration is 0.5g/1, and the EDTA concentration
is 0.05M.
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Figure 5.13
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Figure 5.13 Dissolution of MnOOH by CIT - pH 7.8. Plot of concentrations of total
dissolved Mn and Mn(III)CIT versus time for the dissolution of MnOOH by CIT.
Concentration of Mn(III)CIT, @; and total dissolved Mn, 4; are shown. The pH is
7.8, the solids concentration is 0.5g/1, and the CIT concentration is 0.05M.
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Figure 5.14
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Figure 5.14 Dissolution of MnOOH by CIT - pH 6.3. Plot of concentrations of total
dissolved Mn and Mn(III)CIT versus time for the dissolution of MnOOH by CIT.
Concentration of Mn(II)CIT, @®; and total dissolved Mn, 4; are shown. The pH is
6.3, the solids concentration is 0.5g/1, and the CIT concentration is 0.075M.
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Figure 5.15
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Figure 5.15 Dissolution of MnOOH by CIT - solids oxidation state. Plot of average
oxidation state of the solids versus time for the dissolution of MnOOH solids by
citrate. The pH is 7.8, the solids concentration is 0.5g/1, and the CIT concentration is
0.05M.
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SUMMARY AND CONCLUSIONS
6.1 Important Findings of This Study
6.1.1 Mn Oxidation

The oxidation of Mn(Il) was studied at 45, 50, and 60°C at Mn(Il)
concentrations low enough that the solution was never supersaturated with respect to
any solid phase. Rate constants on the order of 10-9 s-1 were found. An activation
energy of 99 + 14 kJ/mol was found. This led to the calculation of a rate constant of

6.9 + 0.5 x 10-7 M-1s-! for the rate expression

2+
--———d[h: ] = -k-[0,][mn?*] [6.1]
at pH 8 and 25°C.
6.1.2 Mn(ITI)

Rate expressions and rate constants for the disappearance of Mn(III)
complexes are given in Table 6.1 for the three ligands studied. The complex of
Mn(III) with the P2O7%- species is the longest lived of the complexes studied, with
first order constants on the order of 10-7 s-1. While the disappearance rate of
Mn(III)P,O7 species was observed to depend on both pH and total PO~
concentration, the data are too limited to establish a firm rate law. The kinetic
inertness appears greatest at a pH slightly above neutral. Dependence of the loss rate
on [P2074-] appears complex, possibly the result of several Mn(III)P207 complexes
with different susceptibility to hydrolysis of the ligand.

The Mn(IINEDTA complex is the shortest lived of the complexes studied. Its
disappearance rate constants range from 103 to 10-6 s-1. For the MnEDTA - complex
the rate is dependent on the (.31 power of [H*]. The fractional dependence is most

likely caused by some unknown intermediate complexes which depend on pH. The
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reaction rate is somewhat more than proportional to the first power of EDTA
concentration. This is believed to be the result of the slowness of the inner sphere
electron transfer of the complex as compared to electron transfer from an outer sphere
electron donor, the excess EDTA.

The Mn(IIDCIT complex displays a more complicated cycle. Rate constants
for disappearance of the Mn(IIl) complex are on the order of 10-5 s-1. The rate
expression shows a dependence on the 0.2 power of [H*] and the 0.1 power of [CIT].
These fractional dependences are due at least in part to the competition between the
re(fuction of the Mn(III) complex and the oxidation of the Mn(II) citrate complex. The
rate dependences on pH are obscured somewhat by the difficulty in buffering the
citrate experiments. Most of the observations; however, can be explained by a cycle
where the Mn(III)CIT complex undergoes an inner sphere electron transfer producing
Mn(II) which is then reoxidized to Mn(I1I) in the presence of oxygen.

6.1.3 MnOOH Dissolution
| The rate constants and rate expressions for the dissolution of MnOOH by the
ligands used in this study are shown in Table 6.2.

Pyrbphosphate caused the slowest of the dissolution reactions. Rate constants
were on the order of 10-5 s-1. All of the dissolved MnOOH was found to remain in
solution as Mn(III)P»O7 species. The dissolution reaction was found to be
approximately 0.5 order in [H*]. This may be the consequence of the unprotonated
ligand binding to the surface and releasing a Mn(III)P207 species to solution.

EDTA was found to dissolve MnOOH the fastest. Rate constants were on the
order of 10-4 s-1. The dissolution was found to be totally reductive with no evidence
for Mn(IIlI) in solution. The reduction by EDTA was found to be 0.4 order in [H*].
The fractional dependence is likely caused by the adsorption of EDTA to the surface,

similar to pyrophosphate. Recently Tian and Stone (1) confirmed the absence of



Mn(III) in solution and detected degradation products of EDTA using capillary
electrophoresis.

CIT showed a complex dissolution pattern. The dissolution occurred in two
phases. The first phase was a nonreductive dissolution, followed by a second phase of
reductive dissolution. Rates constants were on the order of 10-4 to 106 s-1. The
dissolution was also found to be approximately first order in [H*]. This is probably
the result of a outersphere radical reduction pathway becoming rate controlling once
the reaction products have accumulated sufficiently.

6.2 Implications of This Study

Figure 6.1a shows the generally accepted cycle of manganese in natural water
systems according to the conventional wisdom before Mn(III) was considered as a
potential solution phase species. Figure 6.1b shows a proposed new cycle with the
possibility of solution phase Mn(IIl) taken into consideration. This study has
addressed several of the additional reactions depicted in Figure 6.1b.

The reduction of solution phase Mn(IIT)L to Mn(II) species has been measured
and it is shown that Mn(III)L complexes can persist in solution on time scales of
minutes to months depending on the character of the ligand. Ligands which can easily
lose electrons to the Mn(III) react rather rapidly on a time scale of minutes.
Complexes of ligands which do not lose electrons to Mn(III) can last for months.
Previous studies have not examined the disappearance of a Mn(III)L. complex in the
absence of external reductants.

The oxidation of Mn(II)L. complexes to Mn(IIT)L. complexes has been verified
as occurring for citrate in the presence of oxygen. This is a result that was also seen
by Guindy et. al., although at much higher pH(2). This study found the oxidation
occurs on a time scale of weeks. It has also been shown that Mn(VII) can oxidize
Mn(II)L to Mn(III)L on a time scale of minutes. Although Mn(VII) is not present in

natural waters other oxidants can exhibit similar reduction potentials. For example
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OH: and H2O9 have similar potentials and could be capable of forming Mn(III). Such
reactions have been observed in biological systems(3-5).

The ability of ligands to dissolve MnOOH and release Mn(III)L complexes
has also been demonstrated. The time scale for this dissolution is on the order of a
day. The dissolution reaction of MnOOH by pyrophosphate was studied qualitatively
by Kostka et. al. (6).

6.2.1 Surface Waters

The implications of this work for natural waters are many. To answer the
question: do Mn(III) complexes exist in natural waters? several factors must be
examined. The various species of the system must be considered to determine
possible sources of Mn, stabilizing ligands, and oxidants/reductants. In addition the
time scale of reactions must be considered to determine how long Mn(III) complexes
formed might last.

In surface waters the majority of Mn is found as Mn(II). To produce Mn(III)
complexes from Mn(Il) in surface waters would require a significant amount of
stabilizing ligand and an oxidant. The areas where this is most likely to occur in
surface waters are areas of high biological activity or in the surface microlayer. Areas
of high biological activity would produce large quantities of organic ligands as well
as HpO», radical species and oxygen produced by the biological activity. The surface
microlayer is a layer that has been found to have highly concentrated amounts of
organics and metals. It is also the area where dissolved oxygen is likely to be the
highest, and radical-producing photochemistry the most active. These areas are
capable of producing Mn(III) complexes.

Such complexes once produced would more than likely react with organics or
reduced metals in the same area where they were produced and not travel very far.
Thus the lifetime of such complexes would more than likely be seconds to minutes

rather than days. If the oxidation of Mn(IT) to Mn(III) is relatively rapid there could
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still be a significant contribution to the redox chemistry of the surface waters. If a
cycle were created like that observed in the laboratory for citrate, then catalytic
oxidation of organics or reduced metals could occur. This would require the oxidant
to be other than oxygen, which has a time scale for oxidation of Mn(II) of days to
weeks, even in the presence of surfaces and microbes. Radicals produced by

| photochemistry or biological activity represent possible oxidants capable of oxidizing
Mn(II) to Mn(III) fast enough to produce a catalytic Mn cycle.

There are also some Mn oxides found in surface waters. These result from
either oxidation of Mn(II) or deposition from aerosols. Since Mn(II) oxidation has
been shown to go through a Mn(IIl) oxide phase, these Mn oxides represent another
possible source of Mn(IIl) complexes. Again the formation of Mn(III) complexes
would have to occur in either the surface microlayer or areas of high biological
activity. Such complexes would be short-lived in the absence of a rapid oxidation as
described above.

Another area in natural systems where there are likely to be large amounts of
Mn(11l) stabilizing ligands is in bottom waters and sediments. Since such areas tend
to be anoxic, the source of the Mn(IIlI) would have to come from Mn(III) oxides. This
is indeed possible if the settling time of the Mn(III) particle is faster than either the
reduction time or the time for oxidation to Mn(IV). Once formed, Mn(I1I) complexes
would then go on to react with reductants present. If the time scale of reduction is
slow enough there is the possibility that the complexes could diffuse upward above
the anoxic/oxic boundary where their lifetime could be longer.

A cycle has already been demonstrated in which Mn oxides settle to the
bottom waters, are reduced to Mn(Il), diffuse upward to the anoxic/oxic boundary, are
reoxidized and settle once again to the bottom waters. Although this cycle has been
postulated to involve Mn(IV) oxides, it could very well include Mn(III) intermediates

as well, especially since Mn(III) oxides have been found to be the first product of
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Mn(II) oxidation. It would seem unlikely that the particles would have time to be
oxidized all the way to Mn(IV) before settling back below the anoxic boundary. Thus
‘thc area near the oxic/anoxic boundary could be an area where Mn(III) complexes
play an important role.

To obtain an idea of the quantitative concentrations and fluxes of Mn(III)
possible a simple box model was constructed. Five Mn species: Mn2+, Mn(I[)L,
Mn(III)L, MnOOH, and MnO; were assumed to exist. The processes considered
were: oxidation of Mn2+ to MnOOH, oxidation of MnOOH to MnO», oxidation of
Mn(IDL to Mn(IIDL, reduction of MnOOH and MnQO7 to Mn?2*, dissolution of
MnOOH by ligand, and reduction of Mn(III)L to Mn(IT)L. For all the species except
Mn2+ the concentration was calculated by writing out the change in concentration

with respect to time for each species. For example, for MnO»:

d[MnO; |
dt

= kox2'[MnOOH]’[02] - er'[MnOZ]'[R]'[H] [62]
where kgx2 is the rate constant for the oxidation of MnOOH to MnO2 and k2 is the
rate constant for the reduction of MnO; to Mn2+ by reductant R. The equations were

then integrated through time using a AC/At approach. For example for MnO»:
A[MnO,]| = (kq,-[MnOOH]-[0;] - k,,-[MnO,]-[R]-[H])- At [6.3]

time steps of one second were used. [Mn2*] was calculated by using an assumed total
Mn and subtracting the concentrations of the other 4 components.

The rate constants and expressions used were obtained from the literature
when available, from the present study, or estimated otherwise. Table 6.3 gives the
rate constants and rate expressions used for the box model. For the oxidation of Mn2+

to MnOOH the rate constant was taken from Davies(7). The same rate was used for
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the rate of reduction of both MnOOH and MnO7 and was taken from Stone(8). The
rate constant used was for the reduction of Mn(I111,1V) solids by hydroquinone.
Although hydroquinone is probably a better reductant than most average organic
compounds it was used as it has the best quantified rate expression(for example
catechol reduces Mn oxides about ten times faster than hydroquinone while resorcinol
is about 1000 times slower and oxalate about 4 to 5 orders of magnitude smaller (8)).
A rate constant for the oxidation of MnOOH to MnQO» could not be found. Therefore
it was assumed the rate was first order in MnOOH and O». The rate constant assumed
would give a half-life of about 1 month for an oxygen concentration in equilibrium
with the atmosphere, which is what was observed by Stone(8). An equilibrium
constant of 104 M-! was assumed for the Mn2+/Mn(I)L equilibrium. This is typical
for many Mn(II)L species. It was assumed that the ligand was strong enough to bind
all Mn(III) so that Mn3+ is not considered as a species. The rate constants for the
reactions of Mn(III)L were taken from this study. The constants for citrate were used
as an intermediate value between pyrophosphate and EDTA and-as representative of
typical organic ligands.

The conditions assumed for the simulation were taken as what might be typical
of a surface seawater with biological activity. Two cases were run: one without the-
Mn(III)L species and one including it. The conditions were pH = 8.0, [O7] = 2.4 x 104
M, [L] = [R] = 10-6M, [Ox] = 10-6M, and MnT = 10-"M. These conditions were
assumed to be constant throughout the simulation.

The results of the two cases are shown in Figures 6.2a and 6.2b. It is seen that
most of the Mn is in the form of Mn2+, with about 1% being Mn(II)L.. Both Mn
oxides are at much smaller concentrations. This is a result of the slow oxidation and
the relatively high concentration of reductant. These results correspond fairly well
with what is observed in natural waters and therefore show that the simple model

gives results which bear a reasonable similarity to natural systems.
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Comparing the results of the run with Mn(III)L and the one without shows a
significant difference. Although the concentrations of MnOOH and MnO; do not
change, Mn(III)L. becomes the most significant form of oxidized Mn. The main
source of this Mn(IIDL is from oxidation of Mn(IIL. Although not all ligands
promote the oxidation of Mn(IDL to Mn(III)L. as citrate does, and although a
micromolar concentration of such a ligand might seem unlikely, it is noted that even
if the ligand concentration were 2 orders of magnitude smaller, Mn(III)L would stll
be the dominant oxidized Mn species. It might be argued that biological oxidation of
Mn(II) would give a higher MnOOH concentration. This is true, but the dissolution
pathway flux would also increase. Therefore, even though these calculations may not
be entirely representative of some natural environments, they do show that Mn(III)
complexes can be important species in some natural environments and should be
considered when studying natural redox cycles.

6.2.2 Ground Waters

Groundwaters represent another environment where there are potentially
significant amounts of Mn(Ill) stabilizing ligands. Strong oxidants are likely to be
much more scarce. The most likely source of oxidant would be radicals or peroxide
produced by biological activity. Such oxidants could oxidize Mn(II) to Mn(IIlI) in the
presence of stabilizing ligands, which would then oxidize any reductants present. This
could produce a cycle as described for surface waters. The area effected by such a
cycle would depend on the time scale of loss of the Mn(IIT) complex. If the stabilizing
ligands don't react quickly with Mn(IIl) it is possible for Mn(III) complexes to
migrate through groundwater. If this occurs then these complexes would be a very
powerful mobile oxidant.

There are likely to be significant amounts of Mn(IIl) oxides present in
groundwaters either as minerals or as oxidation products formed in more oxic

environments. If significant amounts of stabilizing ligand come into contact with the
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Mn(III) oxides then Mn(III) complexes will be released. This would be most
significant in a case where a nonreducing ligand comes into contact with a Mn(III)
oxide in an oxic or mildly anoxic zone. If there are no strong reductants present in the
immediate vicinity of release, the Mn(III) complexes could migrate to more anoxic
zones and become the major oxidant in such areas. It is conceivable that Mn(III)
complexes produced in nitrate or sulfate reducing zones could migrate into more

anoxic waters and become significant oxidants.

6.2.3 Other Potential Environments for Mn(IIT) Complexes

Mn(III) complexes have already been shown to be significant in certain
biological systems(9-12). In these systems the Mn(III) complexes act to protect the
organisms against powerful oxidants such as superoxide and hydrogen peroxide.
Mn(III) is certainly important as a superoxide dismutase of several organisms and
may be important in others. Mn(III) may have been even more important in this role
in prehistoric environments before the atmospheric levels of oxygen had reached their
present level. Much higher levels of UV radiation at that would require organisms to
have a defense system against radicals produced by this radiation. Mn is certainly one
attractive element to serve this purpose.

Another environment where biological activity and Mn are coupled is in
desert varnish(13). Although this is largely a nonaqueous environment there are
microenvironments that involve water at the cell wall. Most of the Mn in desert
varnish is in the +4 oxidation state, but there is evidence of some Mn below an
oxidation state of +4 (14). Mn would most likely have to pass through a Mn(III)
phase on its way to becoming Mn(IV) and it is possible that this involves a Mn(III)
complex.

A microenvironment that contains high concentrations of Mn and stabilizing

ligands is the aerosol. Mn(III) may very well play an important role in the redox
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cycling in aerosols. Mn(III) has already been demonstrated to be an intermediate in
the Mn catalyzed oxidation of S(IV) (15); it may play a role in other redox reactions

as well.

6.3 Directions for Future Research

This study leaves several questions unanswered and opens up several more.
These questions and possible approaches to them are listed here.
6.3.1 Mn(II) Oxidation

This study has found a rate of homogenous oxidation of Mn(II) much slower
than reported in most previous studies. Problems with evaporation, instability of the
leuco crystal violet dye reagent, blank problems, and the possibility of contaminant
oxidants from the atmosphere led to a relatively large uncertainty in the rate constants
measured. Construction of an air tight reaction vessel to limit evaporation loss and
exclude other atmospheric oxidants could help to reduce this uncertainty. Bubbling
with pure oxygen also would increase the rate and might give less of a blank problem,
as the signal to blank ratio would be higher.
6.3.2 Mn(III) Solution Complexes

Rate expressions for the pyrophosphate complex loss could not be established
with the limited data available. Further studies to define the rate law would be
helpful. This would involve expanding the experiment to several more pHs and ligand
concentrations. It would also be interesting to measure for phosphate hydrolysis
product and the Mn(IV) product of disproportionation. If the pyrophosphate
hydrolysis is the active loss mechanism, detection of these species would verify the
mechanism. Phosphate could be detected using capillary electrophoresis or ion
chromotography. Mn(IV) could be detected by filtering the solution, dissolving the

tilter and measuring Mn.
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For EDTA the main challenge lies in the mechanism of reaction and
identification of the products. EDTA degradation products could be detected using
capillary electrophoresis or ion chromotography. Detection of degradation products
would give insight as to the mechanism of the reduction reaction. Analysis of the
products both in the presence and absence of oxygen might also be revealing of the
mechanism of degradation of EDTA.

The possibility of a cycle for the Mn(III)CIT complex which results in
catalytic destruction of citrate is interesting. Although the data of this study suggest
that such a cycle exists, it has not been definitively proven. Citrate would need to be
measured over time to confirm the cycle. This can be done using capillary
electrophoresis. If the loss of citrate were found to be greater than the re-formed
Mn(III)CIT that would prove the oxidation of citrate. If product peaks could be
identified, that would be helpful in determining both mechanism and stoichiometry.
The actual oxidation pathway of the citrate would be crucial to determining how
many cycles would be required to destroy the citrate and whether the reaction is
actually catalytic.

Another set of interesting question relates to the kinetics of other ligand
reactions. If the existence of such complexes in natural systems is to be approached it
will be helpful to know the reaction rates for different types of ligands. A class of
ligands missing from this study is the aromatic compounds. It would be interesting to
examine humic and fulvic type materials as well. Since molar absorptivities are not
presently available for such complexes this might require a new technique for Mn(III)
detection.

Perhaps the most useful area of research in this area would be development of
more sensitive techniques for Mn(III) detection. As natural levels of Mn are usually in
the submicromolar range such techniques would be crucial for doing any studies in

the natural environment or in trying to simulate natural systems in the laboratory.
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Possible techniques for this include polarography, capillary electrophoresis, or
electrospray mass spectrometry.
6.3.3 MnOOH Dissolution

For all three ligands investigated more experiments could be done to give a
better idea of the rate law. This is especially true in determining the effect of the
ligand concentration. More data are needed over a wider range of concentrations.
Concentrations in smaller excess than those used in this study should be used to
determine if saturation of surface sites was achieved in this study, and what the effect
on rate is if the surface sites are not saturated.

Product analysis of any ligand degradation products would be of great interest.
This could be done using capillary electrophoresis. It would also be interesting to
examine the surface of the solids during the reaction to determine the identity of
surface complexes formed, if any, or at least to determine the dissolution pattern of
the surface. This might possibly be done using AFM or SEM.

Another very interesting question is the possibility of the reaction noted by the
dashed line in Figure 6.1b. That is the formation of Mn(III) complexes from MnO».
Since MnQ» is the most stable and one of the most common forms of Mn it would be
significant if Mn(III) complexes could form from them. It should be of interest to
examine the reaction of MnO; with a ligand such as citrate which has the ability both
to reduce Mn(IV) to Mn(IIT) and then to stabilize the Mn(III).

_This study has found that Mn(IIl) complexes can be formed both from
solution phase Mn(II) and Mn(I1I) solids. It has further found that such complexes can
be long lived under the proper conditions. The consequences of these facts need to be
considered on the natural environment. Such compounds could have a significant
effect not only on the kinetics of oxidation in many environments but also on the type
of compounds which are capable of being oxidized. Such questions merit further

consideration.
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Table 6.1
Rate Constants for Mn(IIT)L. Disappearance

Pyrophosphate, P2O74

[Mn] =0.5mM
[L] =25mM
pH rate constant (s~1)
6.9 1.9+ 0.2 x 107
7.3 1.5+ 0.1 x 108
8.0 1.2+ 0.3 x 107
8.98 29+02x108
[Mn] =0.5mM
pH=78
[L] (mM) rate constant (s-1)
12.5 2.81 + 0.08 x 10-7
25 3.6+ 0.3x108
50 39+ 0.3x 107
100 1.4 + 0.2 x 10-7
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EDTA

Rate Constant Expression for pH > 6:
rate constant = 1029 [H+]031 [EDTA] 135

Rate Constants

[Mn] =0.5mM
[L] =25mM
pH rate constant (s-1)
3.6 1.67+ 0.5 x 104
4.1 9.+1x104
52 34+0.1x103
6.0 3.8+0.2x 103
6.5 37+03x1073
6.9 21+0.1x103
7.3 1.42 + 0.05x 103
7.7 1.08 + 0.02x 10°3
9.5 3.78 + 0.07 x 104
[Mn] = 0.5mM
pH=6.8
[L] mM rate constant (s-1)
0.5 5.67+0.5x 106
25 8.0+ 08x 105
5.0 1.7+0.1x104
25 1.160 + 0.005 x 10-3
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Citrate

Rate Constant Expression for pH > 6:
Rate Constant = 10-041 [H+]0.18 [CTT]-0.13

Rate Constants

[Mn] = ImM
[L] = 200mM
pH rate constant (hr-1)
6.1 1.6+ 0.2 x 10-5
- 6.8 6.4+ 08x 106
8.5 3.6+1x100
9.2 1.86x 10°6
9.8 1.92x 10-6
[Mn] = 0.5mM
pHo=6.0
[L] mM rate constant (hr-1)
1.0 1.25x% 1075
2.5 9.17 x 10-6
5.0 9.72x 10°6
25 7.78 x 1076
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Table 6.2

Rate Constants for MnOOH dissolution

Pyrophosphate, P2O7*

Rate Constant Expression:
rate constant = 10-1.27 [H+]0.46

[solids] (g/1)
0.5
0.5
1.0
0.2

EDTA

Rate Constant Expression:
rate constant = 10-0.74 [H+]042

[L] (mM)
25
50

Citrate

Rate Constant Expression:
rate constant = 10435 [H+]12

[L] (mM)
50
75

[L] =50mM

pH
6.5
7.0
8.0
8.0

[solids] = 0.5¢/1

pH
8.0
7.0

[solids] = 0.5g/1

pH
7.8
6.3
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rate constant (s-1)
50+ 0.8x 105
3.0+ 0.08x 10°5
1.0+ 0.1x 103
1.0+ 0.1x 10

rate constant (s-1)
6.83 + 0.05x 1070
1.8+ 0.8x 104

rate constant (s-1)
78+ 1x 106
50+ 3x104



Table 6.3
Rate constants and expressions used for box model

Mn2* --—-> MnOOH:
k=58x1013M4s-1
d[Mn(11)] - )
i k-|Mn**|-|JOH™| -[0,]-[Ox
~ [Mn>*]-[or ] -[0,]-[0x]
MnOOH, MnO3 > Mn2*
k= 4.8 x 109 M-1465-1
d[Mnox] 4 10.46
—+——< = k-[Mnox]-[R]-|H
” [Mnox]-[R)-[H*]
MnOOH ---> MnO»
k=15x10-3M-1s-1
——‘—————-———d[M’:i(t)OH] k-[MnOOH]- [0, ]
Mn(I)L ---> Mn(IIDL
k=1.37x 10-18 Ms-1
_d[Ma(IDL] k-[Mn(I)L]-[O,]

" T

Mn(IDL ---> Mn(II)L.
k=1.3x 104M-1.125-1

d[Mn(IID)L] L2
e k-[Mn(IDL] - [H']

MnOOH ---> Mn(III)L
k=22x 1016 M-3¢-1
_ d[MnOOH]

m k -[MnOOH]-[L]- [W]2
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Figure 6.1a
Mn Cyecle without Knowledge of Mn(III) solution species
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Figure 6.1b
Mn Cycle With Knowledge of Mn(llI) solution species
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Figure 6.2a
Box Model Results for an Mn(II)-MnOOH-MnO, System
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Figure 6.2b

Box Model Results for an Mn(1I}-MnOCOH-Mn(III)L-MnO, System
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Appendix A
Table 1

Acidity Constants of Ligands Used in This Study

Pyrophosphate

Reaction
Hyl. <-----> H* + HaL-
Hals <--—--> H* + HpolL?

H4l <-----> H* + H3Ll-
H3l- <-—-> H* + HpL?-

a all constants for 25°C and I =0.1M
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log Constant?
-0.8
2.0
-6.04
-8.37

log Constant?
2.0

-2.69

-6.18

-10.15

log Constant@
-2.85
-4.35
-5.82



Table 2
Stability Constants of Mn(II) and Mn(III) Complexes

Mn(II)

Reaction log Constant?
Mn?+ + P04 <---mee > MnP5092- 6.5

Mn?+ + EDTA% <------> MnEDTAZ 14.05

Mn2+ + CIT3- <---m- > MnCIT- 2.16

MnZ+ + OH- <----—-> MnOH* 3.4b

Mn2+ + HCO3" <-----> MnHCO3" 0.45b
Mn(I1D)

Reaction log Constant?
Mn3+ + 2P074 <------ > Mn(P2072),5- 31.85¢

Mn3+ + PyO74 <-—-----> MnP207 16.68¢

Mn3+ + EDTA% < > MnEDTA- 24.75

Mn3+ + CIT3- <—--- > MnCIT 14d

Mn3 + OH- <-----> MnOH?* 14.4¢

4 unless otherwise noted constants for 25°C and I = 0.1M
b constants for 25°C and I = OM

€ constants for 25°C and I = 0.3M

d constant estimated from analogy with Fe complexes

¢ constant for 25°C and I = 4M

Table 3
Equilibrium Constants of Mn Solids

Reaction log Constant
Mn?+ + 2H70 <-—----> MnOs(s) + 4H* + 2¢-  -41.38
3Mn?* + 4Hp0 <--—--> Mn304(s) + 8H* + 2~ -61.03
Mn2+ + 2Hp0O <-----> MnOOH(s) + 3H+ + e- -25.34
Mn?t + CO3% <-----> MnCOj3(s) 10.30
Mn2+ + 20H- <-----> Mn(OH)a(s) 12.8

Table 4
Band Gap Energy of B—MnO»

4768 nm
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