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CHEMISTRY OF MANGANESE IN NATURAL WATER

REDUCTION AND COMPLEXING OF MANGANESE BY
GALLIC ACIDS

By Joux D. HEm

ABSTRACT

Tannic (digallic) and gallic acids form 1:1 complexes with Mn+? in dilute solu-
tion. The stability constant of the digallic complex was determined to be 10%?
by spectrophotometric studies. Water solutions of tannic and gallic acid can
bring 100 parts per million or more of manganese into solution from solid man-
ganese dioxide reagent. The reducing and complexing reactions are most rapid
at pH’s below 5. The manganese brought into solution was oxidized very slowly
at pH’s as high as 9.8.

INTRODUCTION

The biochemical factors that are involved in the chemical Iehavior
of manganese in natural environments have been touched upon in
the earlier papers in this series. A further study of some chemical
reactions that may influence manganese solution and deposition is
described here. The study concerns the behavior of oxidized and
reduced forms of manganese in the presence of the organic compounds
tannic acid and gallic acid. The rates of reduction of tetravalent
manganese by the organic acids, and the form and stability of the
soluble manganese compounds formed in the reduction process, were
investigated. The results provide some indications as to the princi-
ples which govern the circulation of manganese in natural environ-
ments at or near the land surface, where organic material is plentiful.

PREVIOUS WORK

Preliminary studies of the bebavior of divalent manganese in dilute
solutions of tannic acid were described by the writer in an earlier
report (Hem, 1963, p. A51-A52), but no definite conclusions were
drawn. A green color was observed in solutions containing tannic
acid and divalent manganese, and a similar color was noted when the
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D2 CHEMISTRY OF MANGANESE IN NATURAL WATER

pH of the tannic acid solutions was increased in the absence of man-
ganese. Tannic acid noticeably retarded the rate of oxidation of
divalent manganese when the alkaline solutions wer> exposed to the
air. In some environments, such as bogs, that are rich in organic
matter, the effects of organic solutes are unquestionably important.
In this paper reduction and complexing effects have been studied in
detail so that their importance could be intelligently evaluated.
Some preliminary results of experiments with tannic-acid reduction
of manganese dioxide have been reported by Rawson (1963).

BEHAVIOR OF MANGANESE IN LAKES

One of the more common water-quality problems encountered in
the water-supply industry is the appearance of mang-nese in solution
in the water withdrawn from a supply reservoir. Tt e literature con-
tains many references to this type of problem, witl descriptions of
conditions found and methods used for coping with the problem. The
causes, however, have not always been clearly understood or satis-
factorily explained.

Vegetation requires manganese in its life processss, and some of
the aquatic species of plants seem to accumulate the element (Oborn,
1964). Hutchinson (1957, p. 805) states that the menganese content
of lake water is directly related to the productivity of the lake. Lakes
and reservoirs support a considerable volume of aquatic vegetation,
ranging in size from diatoms to large water weeds rooted in the lake
bottom, and during the growing season as much as 10 tons of dry
cellulose and related material could be produced per acre of water
surface (Lieth, 1963). This high production rate is probably more
typical of sewage-oxidation ponds or peat-bog or swamp environ-
ments than of a clear lake, but any water impoundment can be ex-
pected to produce a counsiderable mags of organic mratter each year.
In his studies of productivity in several lakes in Denmark, Nygaard
(1953) found a production rate of organic matter of 0.62 g per day per
square meter in relatively clear water 28 meters deep. This rate is
equivalent to more than a third of a ton per acre in a growing season
of 150 days and is probably lower than the usual rate for a storage
reservoir. Iun large part, the organic matter produced in each growing
season decays, and a residue of low-solubility material settles to the
lake bottom.

Organic matter of aquatic vegetation contains from a few hun-
dredths to a few tenths of a percent of manganese (Oborn, 1964).
The amount of manganese present depends partly on its availability.
Bottom-rooted plants can extract manganese from the soil below the
water surface, but free-floating forms can obtain it only from the
water in which they grow.
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The quantitative importance of biological productivity as a mech-
anism for trapping manganese in a lake can be estimated in several
ways. The amount of manganese in solution brought into a reservoir
during the growing season probably is normally almost all removed
biologically. The median manganese concentration of North American
rivers of major size is reported by Durum and Haffty (19€¢3) to be
20 micrograms per liter. Thus, in 1 acre-foot of water, one might
expect to find about 25 g of manganese. The median concentration
of 20 micrograms per liter is equivalent to 0.02 ppm (parts per million)
and is a higher concentration than might be expected from the rather
sparse data for manganese content in the analytical records published
by the U.S. Geological Survey in annual reports on quality of surface
water of the United States. In keeping with longstanding custom,
the dissolved constituents in river water are ordinarily determined on
filtered or clarified samples. Durum and Haffty used samples which
had been filtered and acidified, but the filtration did not remove all
the particulate matter. Hence, their results may include some of the
particulate manganese that was present. Hutchinson (1957) indicates
that particulate manganese may be utilized by plants and in any
event is likely to be precipitated in a standing water body such as a
lake or reservoir.

A production rate of one-quarter ton of dry vegetation per acre of
lake surface per year, of material containing 0.10 percent menganese,
would represent a rather modest productivity and would require 250
g of manganese per acre of lake surface. The amount of manganese
available from lake water having 20 micrograms of mangsnese pe
liter, or 25 g of dissolved manganese per acre-foot, is enough to supply
the biochemical demand for the whole year if the photosynthetic
process is active to a depth of 10 feet. An annual inflow of water
sufficient to renew the manganese supply would be required to main-
tain the process. Bottom-rooted aquatic species growing in shallow
water would extract some of their manganese from the soil of the lake
bottom. When the growing season ends, the crop of vegetation dies
back and the debris settles toward the bottom of the lake. This
debris carries with it at least a part of the manganese originally
incorporated in the vegetation and forms an organic-rich precipitate.

Biological processes, therefore, tend to remove manganese from
water and transfer it to a lake-bottom precipitate in significant
amounts. The normal circulation of aerated water through the lake
maintains oxidizing conditions and depresses manganese solubility.
During periods of thermal stratification, however, the deeper water
may be depleted in oxygen through biochemical processes to a degree
that induces reduction and re-solution of manganese in weter near
the bottom muds that contain the manganese placed thers earlier
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through the decay of vegetation. The volume of water, so affected,
will generally be small compared with the volume from which this
manganese was originally extracted. Thus, the effest of a 10-fold
or 100-fold concentration could readily be achieved, leading to a
manganese concentration in the bottom water of 0.2 ppm or 2.0 ppm
instead of 20 micrograms per liter. Concentrations higher than a few
tenths parts per million lead to problems if introduced into water
distribution systems. Intakes may obtain such water if they are
oriented in such a way as to intercept bottom water, or if the bottom
water migrates to other levels.

Although the biochemical processes of manganese removal and occa-
sional re-solution can probably account for the usual occurrences of
manganese in water of storage reservoirs, the actual processes in the
bottom sediments may involve some additional factors related to
organic complexing and reduction. In a few areas, such as the pied-
mont region of Georgia studied by Ingols and Wilroy (1963), the man-
ganese content of the material making up the original bottom of the
reservoir may be high enough to be a significant source of manganese
for solution.

ORGANIC MATERIALS IN NATURAL WATER

The nature of naturally occurring organic solutes in colored river
and lake water has never been completely established, even though
such materials have been extensively studied. Lamar and Goerlitz
(1963), however, were able to identify 12 carboxylic acids in unpolluted
surface water from streams in the States of California ard Washington.
Substances identified included acetic, propionic, butyric, valeric,
caproic, lactic, malonic, maleic, succinic, adipic, fumeric, and oxalic
acids. The concentrations observed were from 4 to 592 parts per
billion. Other carboxylic acids of higher molecular weight were also
isolated but could not be specifically identified by gas chromatography
because they were relatively stable and nonvolatile. Swuch acids have
commonly been referred to in the literature as ‘“humic” or “fulvic,” or
are given other names, which imply a definite chemical formula or
structural pattern. Actually these names have been us>d with various
connotations by many different writers to refer to comp'ex mixtures of
high molecular weight organic acids and polymers which impart a
brown or yellow color to water and can be extracted by certain em-
pirical procedures. The color and probably the structure of these
materials are partly a function of pH and it has not been agreed
whether they occur in true solution or as a colloidal suspension. The
molecules of these substances may actually approach colloidal size.

Shapiro (1964) conducted extensive studies of organic coloring
matter which he extracted from lake water which le refers to as
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“yellow organic acids” and has determined to be a mixture of aliphatic
polyhydroxy carboxylic acids.

Black and Christman (1963a, b) suggested that the organic material
responsible for color observed in many natural river waters consists of
hydroxycarboxylic acids which have some degree of unsaturation and
aromaticity. Their material also contained between 1 and 2 percent
nitrogen. Lamar and Goerlitz (1963) reported that the infrared spec-
trum of colored material obtained from one of their waters resembled
that of metadigallic acid, and the studies of Black and Clristman
(1963b) also indicate that such a compound can be expected ir colored
natural water. Therefore, it is possible to obtain some useful indica-
tions of the behavior of manganese in natural waters by studying the
reactions between manganese and digallic (tannic) acid. Tarnic acid
is readily available in relatively pure form. Another series of experi-
ments was performed with gallic acid, C;H,(OH);COOH, in the expec-
tation that the simpler compound would be more stable and easier
to work with.

The results of experiments with well-defined chemical compounds
can be expressed in relatively exact terms, with respect to the nature
of reactions and products and to the stability of complex ions which
are produced. However, results of experiments with the natural
organic materials extracted from water are usually less exact.

PROPERTIES OF TANNIC ACID

Tannic acid (digallic acid) has the chemical formula (HO);C,COO
C:H,(OH),COOH, and can be represented structurally as

HO
| (0]
ol by
o]
| Y
OH HO—~ C

] OH
OH

/

It is formed by hydrolysis from the more complex substances called
tannins. Tannins are commonly present in vegetation, and therefore
natural water, which usually has some contact with plant debris, com-
monly contains tannic acid or chemically similar material in solution.

The reagent-grade tannic acid used in this work was a pale yellow-
brown powder, which dissolved readily in water. Solutions contain-
ing 1 mg of reagent per ml of water were pale yellow, and at this con-
centration had a pH near 4.0.

In earlier work (Hem, 1960, p. 78) the writer estimated the first
dissociation constant for tannic acid to be about 107%. The curves
obtained in potentiometric titrations of the tannic acid with strong
base gave no well-defined inflection points but seemed to suggest that

769-002—65——2
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the carboxyl hydrogen is mostly titrated before the pher olic hydrogens
are detached from the molecule. The amount of base consumed,
however, suggests that some influence from the phenolic hydrogens is
probably present at pH 8 and that this influence increases as pH
increases.

Redox titrations of tannic acid at various pH’s using potassium
permanganate and platinum and saturated calomel elactrodes were
performed to evaluate the reducing ability of the reagent. In these
titrations the manganese was at first reduced from Mn*? to Mn*?, but
ultimately a black flocculent precipitate, or a dark-brown colloidal
suspension, containing Mn™, was produced. These experiments indi-
cate that solutions of digallic acid are definitely capal'le of reducing
manganese to the Mn*? state, and that their ability for reduction is
increased by lowering the pH.

The chemical mechanisms involved in the reduction of permanganate
by digallic acid were not definitely ascertained. The cclor of the solu-
tion suggests that the organic compound undergoes considerable
alteration in the process. For the present study, the processes of
oxidation and reduction which are of interest are those involving Mn*?
and Mn**, and therefore no detailed investigations of the effects of
permanganate on digallic acid seemed necessary.

The amount of permanganate which reacted with 10 mg (3.1X1075
moles) of digallic acid without precipitating manganese oxide at pH 7.0
was about 6X10~% moles. The conversion of one MnQj ion to Mn*?
involves the gain of five electrons. Hence, the reduction equivalency
of digallic acid in the conditions of this particular experiment was about
10 times its molality. One mole of tannic acid, therefore, should be
capable of reducing 5 moles of Mn** to Mn*2

If, in being oxidized, the digallic acid molecule loses all 5 of its
phenolic groups, and they are replaced with hydrogen, the net effect on
the nominal charges on the carbon atoms in the 2 benzene rings is
equivalent to the loss of 10 electrons. This mechanism would, there-
fore, be in accord with the results of the permanganate titration.

DIGALLIC ACID COMPLEX WITH MANGANESE

In earlier work (Hem, 1960), digallic acid appeared to form
complexes with ferrous iron, and the possibility of similar complex
formation with manganous ions was investigated. Aliquots were
prepared containing 5.0 mg and 10.0 mg of digallic scid and small
amounts of Mn*2 ranging from 0.02 to 1.0 mg. These aliquots were
adjusted to pH 7.0 with 0.016-molar sodium hydroxide, diluted to
25 ml, and the intensity of the green color which formed was measured
with a spectrophotometer after the aliquots stood for 2 hours to
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permit complete color development. Maximum absorbance occurred
at 400 mu. A direct linear response was obtained for the lower
concentrations of manganese (up to about 0.15 mg of manganese in
25 ml of water). This response indicates a complex, whose behavior
was in accord with Beers’ law, in dilute solution. As the concentration
of manganese was increased, however, a maximum color intensity
was reached beyond which further increases in manganese content
brought about no change.

The composition of the complex was determined from the spectro-
photometric data using the procedure of Yoe and Jones (1944). In
this procedure the absorbance is determined for various mole ratios
of ligand to manganese. Straight parts of the resulting curve are
extrapolated to an intersection which indicates the mole ratio of the
predominant complex. A 1:1 mole ratio of manganese and digallic acid
was indicated, at least for the concentrations of the reactants used
here (about 10™* to 10~® molar) and at a pH near or slightly above
neutrality.

The intensity of the green color was a function not only of manganese
and digallic acid activities, but also of pH; the rate at which the color
developed was also influenced by pH. The color was more intense
at pH 8 than at pH 7 and developed more rapidly at the higher pH.
After about 2 hours, at pH 7 and pH 8, the color stabilized and did
not change significantly during the next 12-16 hours. Some greenish
color was observed in solutions of digallic acid without manganese,
when made alkaline with sodium hydroxide. The hue in these
solutions, however, was somewhat different from that developec when
manganese was present, and the intensity was generally much less
when manganese was absent.

The color in these solutions is apparently associated with changes
of the molecular configuration of the digallic acid. Such changes are
probably brought about to some extent by neutralization with strong
base which may displace some of the phenolic hydrogens. Tle fact
that the color development is stronger in the presence of manganese
and at higher pH’s suggests that the two positive charges of the
manganese ion are probably attracted both to the carboxyl and
phenolic sites on the digallic acid molecule when the hydrogens in
these positions are displaced.

If the digallate ligand is attached to the Mn™? cation, both at the
carboxyl and phenolic positions, the 1:1 complex would be uncharged.
Perhaps this form would become more abundant as the pH is increased.
However, in the absence of positive evidence as to the charge of the
complex species, a linkage at only one position has been assumed.
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DETERMINATION OF STABILITY CONSTANT

The stability constant of the manganous-digallate complex was
determined from the spectrophotometric data using the following
lines of reasoning:

The digallate ligand, represented by the symbol 7', is considered
to be the form of tannic acid present in the solutions on removal of
the carboxyl hydrogen, and possibly one or more of the phenolic
hydrogens, as a result of raising the pH. Solutions used in the
experiments were about 10~* molar. In media having so low an
ionic strength (near 107*), the ion activity coefficients, represented
by the symbol v, are near unity. The quantities in brackets are ion
activities, the C terms are measured concentrations.

The association equilibrium

Mn*t2T-=MnT+
when written in mass-law form is

MnT*]
[Mn+2][T—]“KI) (1)
and the constant K is the stability constant for the 1:1 complex.
The total amount of manganese present is either in the complexed or
uncomplexed form

_[Mn*?] | [MnT#]
ZOMH—_ ’YMn+2 IL YMBT+

(2)

The dissociation of digallic acid can be assumed to be very nearly
complete at pH 8.0, because the first dissociation constant is near
1078 Accordingly, the undissociated form can be ignored, and one
may equate the total concentration of the ligand present to two forms

> 0= M0 177, @)

Ymort Vo~

The optical density observed in the solutions was used as a measure
of the amount of manganese complexed. The spestrophotometer
readings were adjusted for the effects of absorbance by digallic acid by
means of blanks containing no manganese, and the measurements were
all made with the same length of light path. Under these conditions,
for any given manganese concentration, a maximum optical density
can be obtained by increasing the proportion of digallic acid to manga-
nese in the solution. This maximum value represents the point at
which essentially all the manganese has been complered. For solu-
tions containing the same amount of manganese, bt not enough
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digallic acid to develop the maximum optical density, a lower optical-
density value will be observed, and the ratio of total manganese to
complexed manganese will follow the relation

2 Cun_maximum optical density
Cunr  observed optical density

(4)

Experimental data for seven different laboratory samples sre given
in table 1. They may be used to provide solutions for equations 1 to 4.
In these solutions manganese concentrations ranged from 7.3 X107% to
7.3XX10~*molar, and digallic acid concentrations ranged from 1.2 X 10~*
to 6.2107* molar. Maximum ionic strength in these solutions was
4.8107*. At this ionic strength, all activity coefficients ere close
to 1.0. Values for Yuur and for 7, cannot be readily computed from
the Debye-Hiickel equation; therefore, they were assumed to be
unity. This assumption introduces an error of less than 5 percent into
the values for K. Values for ¥yy+2 were obtained from the Debye-
Hiickel equation—using the concentrations of Mn*?, Cl-, Na*, and
T-—without complexing to calculate the ionic strength. The effect of
complexing on the ionic strength could have been corrected for by
further computation but this was not done because the spectrophoto-
metric data could not be reproduced very closely. Values for K; range
from 1.4X10* to 5.5 10%. The mean of the seven values is 8.2 103
or 10,

The uncertainties in the experimental data limit the accuracy of
the constant. The pH had a considerable effect on the depth and
stability of the color developed, and most of the range observed in K,
values in table 1 can probably be attributed to this factor. The true
value of K, could be higher or lower than the value calculated here by
a factor of 2,

TaBLe 1.—Computation of stabilily constant for manganese digallate complex

Total Total Absorbence
Sample manganese | digallic acid K
ZCmn (moles | £C7 (moles
per liter) per liter) Maximum Observed

3.6X10-8 2.5X10~4 0.44 0.250 6.4 X103

3.6X10-5 6.2X10~4 44 .390 1,4X104

7.3X10-3 2.5X10~ .88 .48 6,2X108

7.3X10-8 1.2X10~¢ .46 . 240 9.6 X102

3.6X10~% 1.2X10~4 .79 . 305 6.0X108

7.3X10-% 1.2X104 1.20 .53 9.6X103

1.5X10-% 1.2X10+ .55 L212 5. 5X103
— 8, 2X103

The behavior of ferrous iron in digallic acid solution at pH 5.0 was
considered earlier by the writer (Hem, 1960). For an assumed 1:1
complex the stability constant was estimated to be about 10%%, based
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on the interference of digallic acid with the formation of the pink
complex of dipyridyl and ferrous iron.

Ferrous complexes with organic ligands are considerably stronger,
as a rule, than the corresponding manganese complexes. However,
the difference between the stability constants for manganese and
ferrous complexes with digallic acid seems excessive. The composi-
tion of the ferrous complex was not determined, and it may be that
the simple FeT™" structure that was assumed is incorrect.

The chemical behavior of the digallic acid reagent used in this
series of experiments was not exemplary for exacting quantitative
studies. The solutions of the acid were not stable in contact with
air and slowly darkened in color on standing. Changes in the molec-
ular configuration and complexing behavior, which might have re-
sulted, were avoided by using freshly prepared solutiors. Complexing
and neutralization reactions were relatively slow, and the green com-
plex tended to change color after a day or so, probably because of
oxidation. The amount of color development and the rate of com-
plexing were strongly influenced by pH. Close agre°ment of results
in successive sets of samples therefore was not always attained.

The strength of the digallic complex suggests tl'et in solutions
containing about 10 ppm of digallic acid and a few tenths of a part
per million or less of manganese, the manganese would be about 50
percent complexed. Solutions of this kind may occr in rivers and
lakes, although the nature of the organic matter in such water is
probably not the same as the material studied. Tatural coloring
matter can be expected to have significant effects both as a reducing
agent and as a complexing agent.

PROPERTIES OF GALLIC ACID

Experiments using gallic acid were compared with those using
tannic acid. The reagent grade gallic acid used in these experiments
was a white powder, having the chemical formula (HO);C;H.COOH -
H,0. The solutions of this material were colorless at first but tended
to darken with age. Both gallic and digallic acids seemed to serve
as nutrients for fungi which grew luxuriantly in some of the solutions
left in the open air. Biological growths, however, were prevented
from forming in the solutions used in the actual experiments.

The first dissociation constant for gallic acid is reported to be
4X107° (Lange, 1956). The acidic properties are therefore stronger
than those of digallic acid. Potentiometric titrations, using glass and
saturated calomel electrodes, indicated a single well-defined inflection
at pH 6.2. The phenolic hydrogen on the gallic acid r~olecule appears
not to be active as a source of protons until the pII has increased




REDUCTION AND COMPLEXING OF MANGANESE BY GALLIC Ac'Ds D11

considerably beyond 6.2, but phenolic hydrogens probabl; become
available at about pH 8.

Gallic acid is an effective reducing agent and, like digallic acid,
reacts with permanganate ions to yield Mn*2

In the titration of gallic acid solutions with sodium hydrozxide, a
green color was observed which increased in intensity when the pH
increased. This color probably resulted from the disruption or
rearrangement of the gallic acid molecules. A very similar color was
observed when gallic acid and manganese solutions were mixed and
the pH adjusted. When manganese was present, however, the color
appeared more rapidly and at a lower pH. The color developed in
the presence of manganese was a more yellowish shade of green.

The nature of the complex formed between gallic acid and divalent
manganese has been studied by Kachhawaha and Bhattacharya
(1962). These investigators used higher concentrations of reactants
and worked at a lower pH than in the work described here, but they
did report a green color in some of their solutions. They reported a
1:1 complex whose stability constant is 10?8, This compares with
the value 10%®for the 1:1 complex of divalent manganese ard digallic
acid determined in the present experiments.

Observations in the current study indicate that the gallic acid
complex is weaker than the digallic complex, although perhaps not as
much weaker as the difference between the two constants would
indicate. A preliminary series of experiments in which the gallate
complex was developed at pH 7 in the presence of different amounts
of manganese and gallic acid gave results which indicated the 1:1
association constant was between 10 and 10°. The value of Kach-
hawaha and Bhattacharya is in the lower part of this range. Hence,
refined experimental work to determine the constant more closely
was not undertaken.

COMPLEXES OF Mn#+ WITH OTHER ORGANIC LIGANDS

The compilation of Bjerrum, Schwarzenbach, and Sillen (1957)
includes stability constants for a 1:1 complex of divalent manganese
with several other organic acids which may occur in natural water.
The acids and constants for the type reaction (where Af is the metal
ion and L is the organic ligand)

M-+L=ML

are as follows: Oxalic acid, K=10%-%-10%%; malonic acid, K=103%,
It would appear that complexes of divalent manganese with tl« organic
ligands likely to occur in natural waters have similar stabilities.
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Concentrations of a few tens of parts per million of organic acids would
be necessary in order to complex half of the dissolved manganese.
Until more information on the concentrations of manganese in natural
water is available, the importance of complex formers such as these in
influencing the behavior of other solutes cannot be evaluated.

COMPLEXES WITH HIGHER OXIDATION STATES OF

MANGANESE

The oxidation state of manganese, which normally is to be expected
in natural water, is Mn™., Thermodynamic data in the literature
show that oxidation of the divalent form will normally produce
Mn** (Hem, 1963), and most aqueous species of trivalent manganese
which might be formed as intermediate products are unstable. Some
organic complexes of trivalent manganese are known, however. For
example, complexes of oxalate lons with trivalent manganese are
formed at an intermediate stage in the oxidation of oxalate by per-
manganate in acid solution. The mechanism of this oxidation reac-
tion has been rather extensively studied and several values for
stability constants of the oxalate complexes with trivalent manganese
are quoted in Bjerrum, Schwarzenbach, and Sillen (1957). Although
the complexes are strong in the sense that most trivalent manganese
in solution is tied up on the complexes, they are very susceptible to
oxidation. The literature is in general agreement that trivalent
manganese is unstable in aqueous solution and can be expected to
revert either to divalent or to quadrivalent forms. Strictly speaking,
an equilibrium model therefore need not consider trivalent species.
However, some consideration must always be given to metastability,
and the rate of oxidation of divalent manganese was considerably
retarded by the organic acids studied in the work here described.
Some writers have expressed the view that manganese in natural
water may often oceur in the trivalent state, presumably either as a
metastable complex or perhaps as a colloidal or molecularly dispersed
hydroxide.

The solid species of manganese oxide to be expected in natural
environments were considered in an earlier paper (Hem, 1963). The
standard free-energy values used for that report indicated that the
hydroxide Mn(OH), was unstable with respect to dehydrated species,
but some indication of hydrated partly oxidized forms was found in
laboratory studies of oxidation of Mn*? solutions in #ir. It is pos-
sible, however, to assign a mixed-oxide composition to compounds
such as Mn,0;, which thus becomes MnO-MnO, or to Mn;O, which
becomes 2MnQO-MnQ,.

Studies of some of the manganese oxide precipitates obtained in
the laboratory were made by X-ray diffraction methods. and patterns
corresponding to hydrohausmannite, a hydrated form of Mn,O,, de-
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scribed by Frondel (1953) were sometimes obtained. (More recently,
Feitknecht, Brunner, and Oswald (1962) have reported that
material prepared and termed hydrohausmannite in earlier experi-
ments was actually a mixture of hausmannite and beta MnO(OH).)
The bulk of the material was too poorly crystallized to give any X-ray
pattern. In some of the digallic and gallic acid solutions containing
dissolved manganese, a flocculent black precipitate formed after the
solutions had stood for several months in contact with eir. This
material gave no distinguishable X-ray pattern. Some of the solu-
tions took on a brown color, perhaps owing to some form of complex
of partly oxidized manganese, but possibly also explainable as an
organic oxidation product, or a colloidal suspension of manganese
dioxide. The brown color could be extracted from these solutions
with amyl alcohol, which suggests the material was organic and the
result of oxidation of the organic acid.

In a series of solvent-extraction experiments, manganese was left
behind in the water fraction. The water solutions were clear and
colorless, and no precipitates of oxide formed. These facts suggest
that the complexed manganese was originally in the Mn*? form.
Some additional evidence against higher oxidation states in the com-
plexed manganese is the approximate agreement between the calcu-
Iations of amounts complexed from the Eh-pH date and the results
obtained using the stability constant where the Mn*? state was as-
sumed at the beginning. These calculations and the solvent extrac-
tion studies are discussed later in this paper.

This evidence is not complete proof that organic comvlexes of
trivalent manganese do not occur in natural water. Under the con-
ditions of these experiments, however, manganese evidently did not
occur in that state.

SOLUTION OF MANGANESE DIOXIDE BY DIGALLIC ACID

The effectiveness of digallic acid as a reducing agent for manganese
dioxide was studied in & series of experiments. Solutions ¢containing
10, 100, and 1,000 milligrams per liter of tannic acid reagent were
prepared. Six aliquots of each solution were adjusted in pH by using
potassium hydroxide or hydrochloric acid, as required, to give a series
of 18 solutions having pH’s of 4.5, 5.5, 6.5, 7.5, 8.5, and 9.5, About
500 ml of each solution was placed in a polyethylene bottle, and 1.0
g reagent-grade manganese dioxide powder was introduced. In addi-
tion to the 18 bottles containing tannic acid solutions, a group of six
bottles was prepared containing distilled water, to which was added
first enough acid or base to give the desired pH and then manganese
dioxide. Air was not excluded from these solutions, owing to the
permeability of polyethylene for gases.

769-002—65—3
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The solutions were allowed to stand at a temperature of 25°C
and, from time to time, portions were removed for determination of
pH and of redox potential. At the same time, an aliquot was filtered
through a plastic membrane filter having pore diameters of 0.45y,
and analyzed for dissolved manganese using the standard periodate
procedure. The bottles were shaken about once a day to keep the
contents mixed. The solutions remaining after 2 months were
filtered into new bottles, and some further experiments vere performed
on these portions.

The results of the determinations are given in tables 2-5. Some
indication of the nature of the reactions that took place in these
solutions can be gained by examination of these data. General
trends can be summarized as follows:

1. Manganese in solution at first increased with time, but tended
eventually to reach a stable plateau.

2. More manganese went into solution when the amount of tannic
acid was increased.

3. Amounts of manganese dissolved were greatest in solutions that
were started at low pH.

4, The solutions econtaining tannic acid at an initial pH above 7
decreased in pH on standing. The more acid solutions increased
in pH. Final pH values were generally between 6.5 and 7.0.

5. The Eh of all the solutions tended generally to increase with time,
at first rapidly and then more slowly.

6. Very little manganese was dissolved in the absence of tannic acid.

7. Solutions containing tannic acid and manganese were colored
green in the early part of the experiment but later a brown color
developed which tended to obscure the original green. The
solutions still absorbed light strongly at the wave length used
in studies of the complex.

TABLE 2.—Manganese conceniration and pH of solutions in contact with
manganese dioxide

[Tannic acid absent]

Manganese concentration and pH of solutions in contact with manganese
dioxide for the initial pH indicated
Time (hours)
4.5 5.5 6.5 7.5 8.5 9.5
Mn |pH [|Mn |pH {Mn | pH {Mn | pH | Mn | pH | Mn | pH
0. 0.0 | 450 0.00|550)000]6.50| 000|750 |0¢" |85 ]0.00]| 950
SN F 4.97 |__.- 5.85 1__-__- 6.48 _____ 6.78 oo 6.90 .- 9.08
24, 11 | 485 .11 | 5.65| .07 6.07 669 .C31677| .07 880
72. 12 1 4,98 12572} .0716.27 0716568 .047668| .04f 8.01
144, 4981 .17 571 06 | 6.20 06]6.38) 065|640 .01 7.00
T20 oo ceeeeee 51|5.20) .3315.58 13 | 5.8L 6.20| .cAl16.21| ,03] 6.41
1,820 e 61| 560| .36)5.88 36 | 5.43 08 601| .08 (603] .04| 632
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The rate at which manganese was dissolved is indicated graphically
in figure 1 for solutions initially brought to pH 5.5 and pH 8.5. The
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solutions containing the lower concentrations of tannic acid appeared
generally to reach a state of equilibrium, and mangenese concentra-
tion leveled off after about 30 days.

A rigorous evaluation of the results in tables 2-5 and in figure 1 is
complicated by several factors. The results do indicate, of course,
that manganese reduction by the digallic acid takes place and that in
most solutions an apparent equilibrium condition was reached. Con-
sideration of the chemical data and the appearance of the solutions
during the experiment provide some basis for hypotheses regarding
the reactions. If equilibrium is reached, several reactions will be in-
volved. One is the reduction of manganese dioxide, liberating soluble
manganese. Divalent manganese was probably produced rather than
Mn™® because the more reduced form is the more stable, thermody-
namically, and because the colors which developed in the standing
samples resembled the ones produced by mixing divelent manganese
solutions with digallic acid in the spectrophotometric work. The
appearance of these colors suggests that the complexing reaction in
which divalent manganese is combined with digallate also must be
taken into account. The process of oxidation undoubtedly alters the
digallic acid also, but the oxidized material may still be capable of
complexing manganese.

Polyethylene is permeable to gases, and diffusion of oxygen and
carbon dioxide into the bottles probably took place. The trends in
pH observed in solutions containing no tannic acid (table 2) were
probably the result of carbon dioxide solution. Eh values for solu-
tions that contained no tannic acid were probably influenced by dis-
solved oxygen and were not reported because they are probably not
related to dissolved manganese.

Solutions listed in table 2 reached very low concentrations of dis-
solved manganese because very little oxidizable material was present.
The solutions at lowest pH did contain some chlorice, added in the
process of lowering the pH with hydrochloric acid, and some dissolved
manganese could have resulted in these solutions from the oxidation
of chloride to chlorine. Small amounts of soluble manganese also
could have been derived from impurities in the manganese dioxide.
The significance of concentrations below 0.10 ppm is somewhat doubt-
ful because the method of determination has low ac-uracy and pre-
cision in that range.

To interpret the results in tables 3-5, the role of the tannic acid is
assumed to be to reduce manganese from the Mn* state to the Mn*?2
state, and to complex part of the Mn*2% These reactions proceed
simultaneously, approaching an equilibrium in which the Eh and pH
are those compatible with the activity of Mn*? in the system. In
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the earlier stages of the reaction, the Eh probably represents a system
involving digallic acid and dissolved oxygen.

In earlier work (Hem, 1963), a series of Eh-pH diagrams were
prepared for manganese systems. ¥rom these diagrams an equilib-
rium Eh can be calculated for any activity of dissolved Mn*? and
hydrogen ions. Comparison of this calculated Eh with that actually
measured gives an indication as to the degree to which equilibrium is
reached in the solution. If the calculated Eh is greater than the
measured Eh, the solution is unsaturated and is still capsble of re-
ducing and dissolving more manganese. If the calculated Eh is less
than the measured value, supersaturation with manganese is indi-
cated. This apparent supersaturation could occur in an equilibrium
condition as the result of complexing, by which the effective concen-
tration of Mn*? is decreased to produce Mn7, the 1:1 complex with
digallate ions. The dissolved manganese determined is a total of all
species present. The apparent supersaturation was used to compute
percentage of manganese complexed in a few of the solutions listed
in table 4, and will be discussed later in this report.

The calculated Eh values in tables 3-5 were obtained from large-
scale graphs of Eh, pH, and [Mn*?] based on the Nernst equation and
the redox couple MnQyc+4H*-2¢=Mn*?aq-+2H,0.

Because the ionic strength of the solutions was generally low, be-
tween 1072 and 10™* an activity coefficient of unity was as-umed for
Mnt? except in the solutions which were highest in digallic acid and
in manganese, where the activity coefficient for Mn*? was estimated
on the basis of the Debye-Hiickel law to be 0.8. The error introduced
by this treatment is small compared to uncertainties in the measure-
ment of Eh.

Reproducibility of Eh measurements in the solutions containing
digallic acid was probably 40.02 volt or more. Difference~ between
observed and calculated Eh amounting to more than 0.02 volt in the
solutions containing digallic acid may therefore be significant. At
constant pH a change of 0.02 volt in Eh is equivalent to a change in
manganese activity by a factor of about 2. Hence, the Eh is not a
very sensitive indicator of manganese behavior. Some indications of
interest, however, can be obtained by comparing observed and
calculated Eh values listed in tables 3-5.

The observed Eh values in table 3 were at first considers bly below
the calculated ones, but later in the experiment the calculated and
observed values reached agreement, within 0.02 volt. This apparent
equilibrium was reached earlier with the solutions started at a high
pH. In general, more than 70 hours was required to reach equilib-
rium. In all but the one containing the smallest amount of dissolved
manganese, the Eh data seem to show consistent supersaturation at
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the time of the last observation (1,320 hr). The difference between
observed and calculated Eh, however, never reached & value greater
than 0.02 volt in any of these solutions.

The data in table 4 represent systems where enough digallic acid
was present to bring about more extensive reduction and complexing
effects. The calculated and observed Eh values are i1 approximate
agreement at 670 hours. The observations at 1,320 hours show that
the amount of manganese in solution is greater than could be explained
by assuming only Mn*? ions are present. The solutiors were filtered
after that series of observations and allowed to stand with no manga-
nese dioxide present until the final set of analyses were made after a
total elapsed time of 2,600 hours. All except two of the solutions
showed some supersaturation at that time.

Table 5 lists results for the solutions containing 1,000 ppm of
tannic acid. The amounts of manganese brought into solution were
greater than in corresponding solutions containing lesser amounts of
tannic acid. At the two lower pH levels the saturation point had not
been reached at 1,320 hours. A later observation on these two solu-
tions did not give a usable value for manganese concentration because
the fractions to be used for this purpose were lost and no more solu-
tion was left. Equilibrium, however, was probably reached in these
solutions between the 1,320- and 2,500-hour observations. The
solutions having initial pH’s of 6.5 or higher reached apparent equilib-
rium at 1,320 hours, and indicated supersaturation at 2,500 hours.

The general rend of the data is also indicated by fgure 1. The
solutions containing lesser amounts of tannic acid gave curves which
generally began to level off sooner than the more concentrated solu-
tions. The illustrations also show the increased capacity for reduc-
tions of the solutions that had lower initial pH’s. Because the
graphs represent systems influenced by several variable~, they cannot
be very rigorously interpreted as indications of reaction rates, but
they do show general trends in the establishment of equilibrium in
the solutions.

CALCULATION OF AMOUNT OF MANGANESE COMPLEXED

The amount of manganese complexed in these solutions can be
calculated from the available data and the stability constant for the
1:1 complex, if certain assumptions are made. The equations re-
quired are:

MnT*] .
[Mn+2][T—]—1O 9) (5)
Z[Mn]=[Mn**]+[MnT"], (6)
Z[T]=[T"]+[MnT*]+[HT], @)
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nd (H)(7]
—_ —6.0

——[H—zT——IO 60, (8)
All activity coefficients are assumed to be unity, and the initial
concentration of digallic acid is used as Z[T]. Neither of these
assumptions is strictly correct, but for the dilute solutions used in
these experiments the effect of activity coefficient correcticns would
be small. The effect of oxidation on the complexing properties of the
digallate ion is not easily evaluated. An amount of dig~llic acid
equivalent to perhaps two tenths of the manganese reduced would be
oxidixed, but the oxidized digallate might still be capable of com-
plexing manganese. Refinement of the assumption that the availa-
bility of digallate for complexing is not seriously affected by oxida-
tion-reduction reactions seems impracticable. The dissociation
constant for digallic acid, 107%°, was estimated in earlier studies
(Hem, 1960) and is only approximate.

Simultaneous solution of these equations is possible for any of the
sets of observations reported in tables 3-5, and will give values for
activity of complexed manganese as well as other dissolved species
within the limits imposed by the assumptions. The computation,
however, was made for only six observations, reported in table 4,
where approximately constant dissolved manganese concentrations
had been reached. For the six observations the extent of complex
formation can also be estimated by using pH and Eh data.

In samples where measured Eh exceeded the calculated Eh, a
situation indicating apparent supersaturation with Mn*? the activity
of Mn*? at equilibrium can be calculated by using measured pH
and Eh values and the Nernst equation. The difference between
the calculated activity of divalent manganese and the total dissolved
manganese concentration determined by analysis can then be assigned
to the complexed form. This method of evaluating the complexing
effect has a rather low order of accuracy because small diffevences in
Eh can bring about major differences in Mn*? activity. FPesults of
computations by both methods are listed in table 4 in terms of per-
cent of total manganese present as the complex.

The proportion of complexing of the manganese ranged from 46 to
66 percent when calculated from the stability constant of the postu-
lated complex. The degree of complexing calculated from the redox
potentials was generally somewhat greater and ranged from 77 to 99
percent. Although the values do not check very closely, agreement is
about as good as could be expected in view of the uncertairty in the
measured Eh and thus they lend some further support to the value for
K, the stability constant, which was calculated in this study.
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SOLVENT-EXTRACTION EXPERIMENTS

A solvent-extraction technique was used in an attempt to isolate
the digallic-manganese complex. The solutions which had stood in
contact with solid manganese dioxide long enough to dissnlve consider-
able Mn*? were filtered and portions were extracted in separatory
funnels with different organic solvents having low solubility in water.
The solvents most effective in removing the color from the solutions
containing complexed manganese were butyl and amyl alcohol.
Carbon tetrachloride, benzene, xylene, hexane, amyl acetate, 4-methyl
propanone, and chloroform all were tried but were not capable of
removing either the color or the manganese from the vater fraction.
Although the butyl and amy! alcohol extractions seemed to remove the
colored material, the manganese remained behind the water layer.

The solvent-extraction experiments indicate that the complex does
not have a strong enough linkage between the organic molecule and
the manganese to survive the extraction, and this approach was
abandoned.

STABILITY OF COMPLEX TOWARD OXIDATION

After the digallic acid solutions had attained a maximum concentra-
tion of dissolved manganese, a selected group representing different
reagent concentrations and starting pH values were filtered through
plastic membrane filters with pores 0.45 micron in diameter. Air was
bubbled through the samples for 10 hours and they were again filtered
and analyzed for manganese. No change in manganese content had
occurred. The pH of the samples was then raised to 9.09 with sodium
hydrozxide and again air was bubbled through them for 10 hours. This
time, after filtration, the manganese in solution had decreased by
about 10 percent.

In previous experiments (Hem, 1963), rates of oxidation of divalent
manganese were measured at pH 9.0. In the absence of sulfate and
bicarbonate, one-half of the manganese was oxidized in 114 minutes.
Half times of 6080 minutes were observed in the presence of sulfate
and bicarbonate. Obviously, the reaction is very muct slower in the
presence of digallic acid.

Experiments were made using solutions of manganese complexed
with digallic and gallic acids in which the pH was raised to about 9.5
and was maintained at a selected value. Samples were periodically
removed, filtered through a plastic membrane filter, and analyzed for
manganese. The results indicated that the rate of loss of manganese
attributable to the destruction of the complex by oxidation is appreci-
able. The half time indicated for pH 9.8 was about 8 hours for the
manganese-digallate complex. The stability of the gallic acid complex
toward oxidation was similar.
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SOLUTION OF MANGANESE DIOXIDE BY GALLIC ACID

A series of equilibrium experiments like the ones used for digallic
acid was performed to evaluate the reducing and complexing action
of gallic acid on manganese dioxide. Because these organic acids
are chemically similar to each other, a less elaborate series of experi-
ments for gallic acid appeared to be reasonable and capable of demon-
strating points of similarity or differences in behavior. Accordingly, a
series of four 500-ml samples was prepared; two contained 50 ppm
and two contained 200 ppm of gallic acid. The pH of one of the
50-ppm gallic acid and that of one of the 200-ppm gallic acid sclutions
was raised to about 7.75. The other two solutions were not adjusted
but were left at the pH near 4.0, reached as a result of the dissociation
of the gallic acid. To each solution was added 1.0 g of reagent-grade
manganese dioxide. The solutions were allowed to stand in poly-
ethylene bottles, at 25°C, for about 5 months. During this time the
pH, Eh, and manganese, which passed through plastic filter menbrane
with 0.45-u diameter pores, were measured on three occasions. The
results are listed in table 6. The data do not give enough points to
prepare graphs but can be compared approximately with the results
obtained in experiments with digallic acid.

In the first 18 hours all four solutions reduced some of the man-
ganese and brought it into solution. As was observed in the earlier
experiments with digallic acid, the reducing action was stronger at
the lower pH, and the strong solution of gallic acid brought more
manganese into solution than the weaker one. The observation at
310 hours showed a considerable further increase in dissolved man-
ganese. This dissolution followed the same pattern observed at the
end of the first 18 hours. The final observation was made move than
4% months after the experiment was started and showed a smaller
amount of dissolved manganese than the 310-hour measurement.
On very long standing it would seem the gallic acid and the complex
are destroyed or altered by oxidation by atmospheric oxygen.

The pH of the solutions tended to converge, the final value being
above 7.0 and appreciably higher than was noted in solutions of
digallic acid.

The calculated values for Eh reported in table 6, as in tables 2-5,
are based on the equilibrium involving manganese dioxide and
divalent manganese without complexing. Approximate agreement
between observed and calculated Eh was obtained at 310 hours,
except for one sample which seemed to reach this agreement earlier.

The calculated Eh was considerably less than the observed Eh
at the time of the final observation; this fact indicates some degree of
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TasLe 6.—Manganese concentration, pH, and Eh of solutions of gallic acid in
contact with manganese dioxide

Manganese concentration, pH and Eh of 50 prm and 200-ppm gallic acid solutions
for the initial pH indicated

50 ppm gallie acid

Time (hours)

Initial pH, 4.1 7.7
Mn Eh (volts) Mn Eh (volts)
(ppm) pH (ppm) pH

Observed| Calcu- Observed| Calcu-

lated lated
L0 S 4. 10 0.49 | |- __ 7.70 0.35 |______.
18 o 5.9 5.33 .49 0.71 3.2 6. 78 .44 0. 54
310 __-_ 13 7. 25 .46 . 46 80 7. 38 . 47 . 46
3,380.____.__ 9.7 7. 80 .54 .46 4.8 7. 45 .53 . 46

200 ppm gallic acid

3.8 7.8
Eh (volts) Eh (volts)
(Mrrxln H (MKI:I H
PP P Observed| Calcu- Py » Observed| Caleu-
lated lated
L IR 3. 80 0.54 || 7. 80 0.32 |_._.____
18 . 12 4. 38 . 51 0. 81 6.3 7.14 .37 0. 49
310 ____ 46 7. 01 .48 .48 24 7. 45 .47 .44
3,380_______ 39 7.70 .52 . 40 17 7. 90 . 50 .38

supersaturation. If it were assumed that the difference between
observed and computed Eh could all be ascribed to effects of complex-
ing of divalent manganese, nearly all the dissolved manganese would
be assigned to the complexed form.

The amount of complexing to be expected in these solutions was
computed by using equations analogous to the ones used for digallic
acid. The stability constant of 10%-! for the 1:1 complex (Kach-
hawaha and Bhattacharaya, 1962) and the first dissociation constant
for gallic acid of 10*-%° (Lange, 1956) were used. The computations
gave a maximum of some 10 percent of total manganese complexed
in the solutions containing 50 ppm gallic acid and akout 20 percent
complexed in the solutions containing 200 ppm gallic acid.

One might assume that the 310-hour observation for the 200-ppm
gallic acid solution started at pH 7.8 represents a condition less com-
plicated by oxidation and related alterations that probably affected
all the observations at 3,380 hours. If this is assumed then the
proportion of manganese complexed calculated from the pH and Eh
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data is still close to 90 percent of the total dissolved manganese.
The computation based on the reported stability constant indicates
that only 13 percent of the manganese is complexed.

Although these computations are inexact and do not seem sufficient
for calculating a new stability constant for the manganese-gallate
complex, they suggest that the complex is somewhat more stab'e than
the published data would indicate; a value nearer 10° would agree more
closely with results obtained in this work.

EFFECTS OF GALLIC ACID COMPARED WITH THOSE OF
DIGALLIC ACID

Comparison of the results of the experiments with gallic acid and
with digallic acid suggests that gallic acid is more effective than digal-
lic acid as a reducing agent, both with respect to the rate of raaction
and to the amount of manganese reduced per unit weight of organic
acid. However, digallic acid evidently forms a complex with divalent
manganese that is more resistant to oxidation than the one formed
with gallic acid.

The amount of manganese brought into solution after 18 hours, in
solutions containing 50 ppm gallic acid, was greater than amounts in
solution after a similar length of time in solutions at similar pH con-
taining 100 ppm or even 1,000 ppm of digallic acid. Upon standing,
a loss of manganese was observed in solutions containing gallic acid.
This effect was generally absent or less pronounced in solutions con-
taining digallic acid. The more rapid increase in dissolved manganese
in early stages of the experiment, and the attainment of highe: man-
ganese content per milligram of organic acid originally present when
gallic acid was the reducing agent, demonstrate the superiority of
gallic acid as a reducing agent. However, the apparent loss of
manganese from solution by oxidation and the behavior of gallic acid
and manganese in spectrophotometric experiments show that the
complexing action of the digallic acid is stronger than that of gallic
acid.

IMPORTANCE OF REDUCING AND COMPLEXING IN
NATURAL SYSTEMS

As this paper and its three predecessors dealing with the chemistry
of manganese in natural water have pointed out, organic factors of
various types are frequently important. Except for the water from
some thermal springs and water which has been polluted, surface or
ground water containing more than 0.10 ppm manganese may well
have been affected by these organic factors. For example, the move-
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ment of ground water into and out of sediments rich in organic debris
provides an excellent mechanism for producing a low Eh, reducing
manganese oxides, and retaining the dissolved manganese in solution
by complex formation.

Published data on composition of river water give few direct
indications of the influence of organic matter in the occurrence of
manganese in natural water. One might expect, for example, a posi-
tive correlation between manganese content and the amount of or-
ganic coloring matter present in river waters, at least in regions where
manganese is readily available in the soil. Although only a few data
exist for testing this hypothesis, because so few waters have been
analyzed for manganese, no strong correlation is indicated. In
pools adjacent to the channel of the Cacapon River in West Vir-
ginia, Slack (1964) found that increased manganese concentration
was due to leaching of leaves which had fallen or were otherwise
brought into the pools, and the amount of manganese as well as some
other elements was greatest in the most highly colored water. The
leaves themselves were probably the source of manganese at this lo-
cation. The data on composition of river waters of the world collected
by Durum, Heidel, and Tison (1960) show no well-defined relation be-
tween color intensity of water and manganese content for the whole
mass of data, but for some individual streams there is an indication
of higher manganese content at times when the water is more highly
colored.

Manganese determinations for samples of streams in the Ohio River
basin show that frequently the higher manganese concentrations occur
in the more highly colored waters, but there are many exceptions to
this general trend (U.S. Geol. Survey, 1960), especially in streams
where large amounts of manganese are brought in by disposal of
industrial waste or by mine drainage.

The principal importance of processes involving organic materials
in the occurrence of manganese in natural water is probably in con-
nection with the reduction of manganese oxide. Absorption of
manganese from soil by growing plants is no doubt a major factor in
making the element available for solution in runoff. T™e reduction of
oxide by organic matter in soil moisture or in the bottcm mud of lakes
is probably also a common process. It is not difficdt to visualize
mechanisms by which water might be induced to move from organic-
rich environments through zones containing oxidized manganese, as for
example in collector wells near streams. The manzanese content
of water pumped from some wells might thus tend to increase with
time.

The aim of the work which has been described was to present in a
systematic way a summary of the chemical factors wlich control the
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behavior of manganese in relatively pure natural water at and near the
land surface. The behavior of manganese in hydrothermal environ-
ments and in brines, or factors which might bring about accuraulation
of manganese minerals, may be related to some of the topics which
have been discussed. These topics, however, represent aress which
were not directly investigated.

Most of the theoretical concepts discussed in this series of papers
were tested in the laboratory. Field investigations of manganese
behavior in ground water, giving particular attention to mineral
sources of the element in rocks and soils, and studies of arees where
solution and deposition of manganese occur in beds of rivers and creeks
would be desirable as a further test of the concepts. Colleagues in
the Geological Survey and others who might be able to do so are urged
to undertake these studies.
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CHEMISTRY OF MANGANESE IN NATURAL WATER

REDUCTION AND COMPLEXING OF MANGANESE BY
GALLIC ACIDS

By Joun D. HEm

ABSTRACT

Tannic (digallic) and gallic acids form 1:1 complexes with Mn+? in d"'ute solu-
tion. The stability constant of the digallic complex was determined to be 10%-¢
by spectrophotometric studies. Water solutions of tannic and gallic acid can
bring 100 parts per million or more of manganese into solution from snlid man-
ganese dioxide reagent. The reducing and complexing reactions are most rapid
at pH’s below 5. The manganese brought into solution was oxidized very slowly
at pH’s as high as 9.8.

INTRODUCTION

The biochemical factors that are involved in the chemical behavior
of manganese in natural environments have been touched upon in
the earlier papers in this series. A further study of some chemical
reactions that may influence manganese solution and deposition is
described here. The study concerns the behavior of oxidized and
reduced forms of manganese in the presence of the organic corpounds
tannic acid and gallic acid. The rates of reduction of tetravalent
manganese by the organic acids, and the form and stability of the
soluble manganese compounds formed in the reduction process, were
investigated. The results provide some indications as to the princi-
ples which govern the circulation of manganese in natural environ-
ments at or near the land surface, where organic material is plentiful.

PREVIOUS WORK

Preliminary studies of the behavior of divalent manganese in dilute
solutions of tannic acid were described by the writer in an earlier
report (Hem, 1963, p. A51-A52), but no definite conclusions were
drawn. A green color was observed in solutions containing tannic
acid and divalent manganese, and a similar color was noted when the

D1
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pH of the tannic acid solutions was increased in the sbsence of man-
ganese. Tannic acid noticeably retarded the rate of oxidation of
divalent manganese when the alkaline solutions were exposed to the
air. In some environments, such as bogs, that are rich in organic
matter, the effects of organic solutes are unquestionably important.
In this paper reduction and complexing effects have been studied in
detail so that their importance could be intelligently evaluated.
Some preliminary results of experiments with tannic-acid reduction
of manganese dioxide have been reported by Rawson (1963).

BEHAVIOR OF MANGANESE IN LAKES

One of the more common water-quality problems encountered in
the water-supply industry is the appearance of mangenese in solution
in the water withdrawn from a supply reservoir. Tha literature con-
tains many references to this type of problem, with descriptions of
conditions found and methods used for coping with the problem. The
causes, however, have not always been clearly understood or satis-
factorily explained.

Vegetation requires manganese in its life processes, and some of
the aquatic species of plants seem to accumulate the element (Oborn,
1964). Hutchinson (1957, p. 805) states that the manganese content
of lake water is directly related to the productivity of the lake. Takes
and reservoirs support a considerable volume of aquatic vegetation,
ranging in size from diatoms to large water weeds rooted in the lake
bottom, and during the growing season as much as 10 tons of dry
cellulose and related material could be produced per acre of water
surface (Lieth, 1963). This high production rate is probably more
typical of sewage-oxidation ponds or peat-bog or swamp environ-
ments than of a clear lake, but any water impoundment can be ex-
pected to produce a considerable mass of organic matter each year.
In his studies of productivity in several lakes in Dermark, Nygaard
(1953) found a production rate of organic matter of 0.62 g per day per
square meter in relatively clear water 28 meters deep. This rate is
equivalent to more than a third of a ton per acre in 8 growing season
of 150 days and is probably lower than the usual rate for a storage
reservoir. In large part, the organic matter produced in each growing
season decays, and a residue of low-solubility material settles to the
lake bottom.

Organic matter of aquatic vegetation contains from a few hun-
dredths to a few tenths of a percent of manganese (Oborn, 1964).
The amount of manganese present depends partly on its availability.
Bottom-rooted plants can extract manganese from the soil below the
water surface, but free-floating forms can obtain it only from the
water in which they grow.
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The quantitative importance of biological productivity es a mech-
anism for trapping manganese in a lake can be estimated in several
ways. The amount of manganese in solution brought into a reservoir
during the growing season probably is normally almost all removed
biologically. The median manganese concentration of North American
rivers of major size is reported by Durum and Haffty (1963) to be
20 micrograms per liter. Thus, in 1 acre-foot of water, one might
expect to find about 25 g of manganese. The median concentration
of 20 micrograms per liter is equivalent to 0.02 ppm (parts per million)
and is a higher concentration than might be expected from the rather
sparse data for manganese content in the analytical records published
by the U.S. Geological Survey in annual reports on quality of surface
water of the United States. In keeping with longstanding custom,
the dissolved constituents in river water are ordinarily dete~mined on
filtered or clarified samples. Durum and Haffty used samples which
had been filtered and acidified, but the filiration did not remove all
the particulate matter. Hence, their results may include some of the
particulate manganese that was present. Hutchinson (1957) indicates
that particulate manganese may be utilized by plants and in any
event is likely to be precipitated in a standing water body such as a
lake or reservoir.

A production rate of one-quarter ton of dry vegetation per acre of
lake surface per year, of material containing 0.10 percent manganese,
would represent a rather modest productivity and would require 250
g of manganese per acre of lake surface. The amount of manganese
available from lake water having 20 micrograms of manganese pe
liter, or 25 g of dissolved manganese per acre-foot, is enough to supply
the biochemical demand for the whole year if the photnsynthetic
process is active to a depth of 10 feet. An annual inflow of water
sufficient to renew the manganese supply would be required to main-
tain the process. Bottom-rooted aquatic species growing in shallow
water would extract some of their manganese from the soil of the lake
bottom. When the growing season ends, the crop of vegetation dies
back and the debris settles toward the bottom of the leke. This
debris carries with it at least a part of the manganese originally
incorporated in the vegetation and forms an organic-rich precipitate.

Biological processes, therefore, tend to remove manganese from
water and transfer it to a lake-bottom precipitate in significant
amounts. The normal circulation of aerated water through the lake
maintains oxidizing conditions and depresses manganese solubility.
During periods of thermal stratification, howevel, the deeper water
may be depleted in oxygen through biochemical processes to a degree
that induces reduction and re-solution of manganese in water near
the bottom muds that contain the manganese placed there earlier
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through the decay of vegetation. The volume of water, so affected,
will generally be small compared with the volume from which this
manganese was originally extracted. Thus, the effect of a 10-fold
or 100-fold concentration could readily be achieved, leading to a
manganese concentration in the bottom water of 0.2 ppm or 2.0 ppm
instead of 20 micrograms per liter. Concentrations higler than a few
tenths parts per million lead to problems if introduced into water
distribution systems. Intakes may obtain such water if they are
oriented in such a way as to intercept bottom water, or if the bottom
water migrates to other levels.

Although the biochemical processes of manganese removal and occa-
sional re-solution can probably account for the usual occurrences of
manganese in water of storage reservoirs, the actual processes in the
bottom sediments may involve some additional factcrs related to
organic complexing and reduction. In a few areas, such as the pied-
mont region of Greorgia studied by Ingols and Wilroy (1963), the man-
ganese content of the material making up the original bottom of the
reservoir may be high enough to be a significant source of manganese
for solution.

ORGANIC MATERIALS IN NATURAL WATER

The nature of naturally occurring organic solutes in colored river
and lake water has never been completely established, even though
such materials have been extensively studied. Lamar and Goerlitz
(1963), however, were able to identify 12 carboxylic acids in unpolluted
surface water from streams in the States of California and Washington.
Substances identified included acetic, propionic, butyric, valeric,
caproie, lactic, malonic, maleie, succinie, adipic, fumarie, and oxalic
acids. The concentrations observed were from 4 to 592 parts per
billion. Other carboxylic acids of higher molecular weight were also
isolated but could not be specifically identified by gas chromatography
because they were relatively stable and nonvolatile. Such acids have
commonly been referred to in the literature as “humic’ or “fulvic,” or
are given other names, which imply a definite chemical formula or
structural pattern. Actually these names have been used with various
connotations by many different writers to refer to complex mixtures of
high molecular weight organic acids and polymers which impart a
brown or yellow color to water and can be extracted by certain em-
pirical procedures. The color and probably the structure of these
materials are partly a function of pH and it has not been agreed
whether they occur in true solution or as a colloidal susgpension. The
molecules of these substances may actually approach colloidal size.

Shapiro (1964) conducted extensive studies of organic coloring
matter which he extracted from lake water which he refers to as
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‘“vellow organic acids’’ and has determined to be a mixture of aliphatic
polyhydroxy carboxylic acids.

Black and Christman (1963a, b) suggested that the organic material
responsible for color observed in many natural river waters ccnsists of
hydroxycarboxylic acids which have some degree of unsaturation and
aromaticity. Their material also contained between 1 and 2 percent
nitrogen. Lamar and Goerlitz (1963) reported that the infrared spec-
trum of colored material obtained from one of their waters resembled
that of metadigallic acid, and the studies of Black and Christman
(1963b) also indicate that such a compound can be expected in colored
natural water. Therefore, it is possible to obtain some useful indica-
tions of the behavior of manganese in natural waters by studying the
reactions between manganese and digallic (tannic) acid. Tannic acid
is readily available in relatively pure form. Another series of experi-
ments was performed with gallic acid, C;H,(OH);COOH, in the expec-
tation that the simpler compound would be more stable ard easier
to work with.

The results of experiments with well-defined chemical compounds
can be expressed in relatively exact terms, with respect to the nature
of reactions and products and to the stability of complex ions which
are produced. However, results of experiments with the natural
organic materials extracted from water are usually less exact.

PROPERTIES OF TANNIC ACID

Tannic acid (digallic acid) has the chemical formula (HO);C,COO
C¢H,(OH),COOH, and can be represented structurally as

HO
I 0
Ho—Qg—o
0
ok ol >
ok o
It is formed by hydrolysis from the more complex substancss called
tannins. Tannins are commonly present in vegetation, and therefore
natural water, which usually has some contact with plant debris, com-
monly contains tannic acid or chemically similar material in solution.

The reagent-grade tannic acid used in this work was a pale yellow-
brown powder, which dissolved readily in water. Solutions contain-
ing 1 mg of reagent per ml of water were pale yellow, and at this con-
centration had a pH near 4.0.

In earlier work (Hem, 1960, p. 78) the writer estimated the first
dissociation constant for tannic acid to be about 107%. The curves
obtained in potentiometric titrations of the tannic acid with strong
base gave no well-defined inflection points but seemed to suggest that

769-002—65—2
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the carboxyl hydrogen is mostly titrated before the pherolic hydrogens
are detached from the molecule. The amount of base consumed,
however, suggests that some influence from the phenolic hydrogens is
probably present at pH 8 and that this influence increases as pH
increases.

Redox titrations of tannic acid at various pH’s uring potassium
permanganate and platinum and saturated calomel electrodes were
performed to evaluate the reducing ability of the reagent. In these
titrations the manganese was at first reduced from Mn*? to Mn*2, but
ultimately a black flocculent precipitate, or a dark-trown colloidal
suspension, containing Mn*4 was produced. These experiments indi-
cate that solutions of digallic acid are definitely capalle of reducing
manganese to the Mn*? state, and that their ability for reduction is
increased by lowering the pH.

The chemical mechanisms involved in the reduction of permanganate
by digallic acid were not definitely ascertained. The color of the solu-
tion suggests that the organic compound undergoe~ considerable
alteration in the process. For the present study, tte processes of
oxidation and reduction which are of interest are those involving Mn+?
and Mn**, and therefore no detailed investigations of the effects of
permanganate on digallic acid seemed necessary.

The amount of permanganate which reacted with 10 mg (3.1X1073
moles) of digallic acid without precipitating manganese oxide at pH 7.0
was about 6 X10-° moles. The conversion of one MnO; ion to Mn*?
involves the gain of five electrons. Hence, the reduction equivalency
of digallic acid in the conditions of this particular experirient was about
10 times its molality. One mole of tannic acid, therefore, should be
capable of reducing 5 moles of Mn** to Mn*2.

If, in being oxidized, the digallic acid molecule loses all 5 of its
phenolic groups, and they are replaced with hydrogen, the net effect on
the nominal charges on the carbon atoms in the 2 benzene rings is
equivalent to the loss of 10 electrons. This mechanism would, there-
fore, be in accord with the results of the permanganate titration.

DIGALLIC ACID COMPLEX WITH MANGANESE

In earlier work (Hem, 1960), digallic acid appeared to form
complexes with ferrous iron, and the possibility of similar complex
formation with manganous ions was investigated. Aliquots were
prepared containing 5.0 mg and 10.0 mg of digallic acid and small
amounts of Mn*? ranging from 0.02 to 1.0 mg. These aliquots were
adjusted to pH 7.0 with 0.016-molar sodium hydrox‘de, diluted to
25 ml, and the intensity of the green color which formec was measured
with a spectrophotometer after the aliquots stood for 2 hours to
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permit complete color development. Maximum absorbance o~curred
at 400 mu. A direct linear response was obtained for the lower
concentrations of manganese (up to about 0.15 mg of manganese in
25 ml of water). This response indicates a complex, whose b=havior
was in accord with Beers’ law, in dilute solution. As the concertration
of manganese was increased, however, a maximum color irtensity
was reached beyond which further increases in manganese content
brought about no change.

The composition of the complex was determined from the spectro-
photometric data using the procedure of Yoe and Jones (1944). In
this procedure the absorbance is determined for various mole ratios
of ligand to manganese. Straight parts of the resulting curve are
extrapolated to an intersection which indicates the mole ratic of the
predominant complex. A 1:1 mole ratio of manganese and digallic acid
was Indicated, at least for the concentrations of the reactants used
here (about 10~* to 10~° molar) and at a pH near or slightly above
neutrality.

The intensity of the green color was a function not only of manganese
and digallic acid activities, but also of pH; the rate at which th e color
developed was also influenced by pH. The color was more intense
at pH 8 than at pH 7 and developed more rapidly at the higher pH.
After about 2 hours, at pH 7 and pH 8, the color stabilized and did
not change significantly during the next 12-16 hours. Some greenish
color was observed in solutions of digallic acid without manganese,
when made alkaline with sodium hydroxide. The hue in these
solutions, however, was somewhat different from that developed when
manganese was present, and the intensity was generally much less
when manganese was absent.

The color in these solutions is apparently associated with changes
of the molecular configuration of the digallic acid. Such charges are
probably brought about to some extent by neutralization with strong
base which may displace some of the phenolic hydrogens. The fact
that the color development is stronger in the presence of manganese
and at higher pH’s suggests that the two positive charges of the
manganese ion are probably attracted both to the carboxyl and
phenolic sites on the digallic acid molecule when the hydrozens in
these positions are displaced.

If the digallate ligand is attached to the Mn*? cation, both at the
carboxyl and phenolic positions, the 1:1 complex would be uncharged.
Perhaps this form would become more abundant as the pH is increased.
However, in the absence of positive evidence as to the charge of the
complex species, a linkage at ouly one position has been assumed.
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DETERMINATION OF STABILITY CONSTANT

The stability constant of the manganous-digallate complex was
determined from the spectrophotometric data using the following
lines of reasoning:

The digallate ligand, represented by the symbol 7, is considered
to be the form of tannic acid present in the solutions on removal of
the carboxyl hydrogen, and possibly one or more of the phenolic
hydrogens, as a result of raising the pH. Solutions used in the
experiments were about 10~* molar. In media having so low an
ionic strength (near 107*), the ion activity coefficients, represented
by the symbol v, are near unity. The quantities in brackets are ion
activities, the € terms are measured concentrations.

The association equilibrium

Mn*t24T-=MnT+*
when written in mass-law form is

Mn7+]
M7=y W
and the constant K, is the stability constant for the 1:1 complex.
The total amount of manganese present is either in the complexed or
uncomplexed form
(Mn#?]  [MnT*]

REYTRS Y Maz+

2 0vma= 2)

The dissociation of digallic acid can be assumed to be very nearly
complete at pH 8.0, because the first dissociation constant is near
10-%  Accordingly, the undissociated form can be igrored, and one
may equate the total concentration of the ligand presert to two forms

MaT*) (7]

Ysazrt  Vr-

20r= ®)

The optical density observed in the solutions was used as a measure
of the amount of manganese complexed. The spectrophotometer
readings were adjusted for the effects of absorbance by digallic acid by
means of blanks containing no manganese, and the measurements were
all made with the same length of light path. Under these conditions,
for any given manganese concentration, a maximum optical density
can be obtained by increasing the proportion of digallic acid to manga-
nese in the solution. This maximum value represents the point at
which essentially all the manganese has been complexed. For solu-
tions containing the same amount of manganese, but not enough
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digallic acid to develop the maximum optical density, a lower optical-
density value will be observed, and the ratio of total manganese to
complexed manganese will follow the relation

> Cvn__maximum optical density.
Cumar observed optical density

4)

Experimental data for seven different laboratory samples are given
in table 1. They may be used to provide solutions for equations 1 to 4.
In these solutions manganese concentrations ranged from 7.3 X107° to
7.3X 10~ molar, and digallic acid concentrations ranged from 1.2 X 10~*
to 6.2X107* molar. Maximum ionic strength in these solutions was
4.8X10~% At this ionic strength, all activity coefficients are close
to 1.0. Values for Yu,r and for 7, cannot be readily computed from
the Debye-Hiickel equation; therefore, they were assumed to be
unity. This assumption introduces an error of less than 5 percent into
the values for K;. Values for 7u,+2 were obtained from tte Debye-
Hiickel equation—using the concentrations of Mn*2, Cl-, Na*, and
T-—without complexing to calculate the ionic strength. Tle effect of
complexing on the ionic strength could have been corrected for by
further computation but this was not done because the spectrophoto-
metric data could not be reproduced very closely. Values for K, range
from 1.4X10% to 5.5 10%. The mean of the seven values i~ 8.2 103
or 103,

The uncertainties in the experimental data limit the accuracy of
the constant. The pH had a considerable effect on the depth and
stability of the color developed, and most of the range observed in K,
values in table 1 can probably be attributed to this factor. The true
value of K, could be higher or lower than the value calculated here by
a factor of 2.

TaBLE 1.—Computation of stability constant for manganese digallate complex

Total Total Absorbence
Sample manganese | digallic acid K
ZCuMa (moles | ZCr (moles
per liter) per liter) Maximum Observed

3.6X10~8 2.5X10~4 0.44 0.250 6.4 X103

3.6X10~¢ 6.2X10~4 .44 .390 1.4X10¢

7.3X10-3 2.5X10~4 .88 .48 6,2X108

7.3X10-¢ 1.2X10~* .46 . 240 9. 6103

3.6X10-¢ 1.2X10+4 .79 . 305 6.0X103

7.3X10-5 1.2X10~4 1.20 .53 9. 6108

1. 5X10-8 1.2X10~4 . 55 .212 5. 5X108
- 8.2X108

The behavior of ferrous iron in digallic acid solution at pH 5.0 was
considered earlier by the writer (Hem, 1960). For an assumed 1:1
complex the stability constant was estimated to be about 10, based
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on the interference of digallic acid with the formaticn of the pink
complex of dipyridyl and ferrous iron.

Ferrous complexes with organic ligands are considerably stronger,
as a rule, than the corresponding manganese complexes. However,
the difference between the stability constants for manganese and
ferrous complexes with digallic acid seems excessive. The composi-
tion of the ferrous complex was not determined, and it may be that
the simple FeT™" structure that was assumed is incorrect.

The chemical behavior of the digallic acid reagent used in this
series of experiments was not exemplary for exacting quantitative
studies. The solutions of the acid were not stable in contact with
air and slowly darkened in color on standing. Changes in the molec-
ular configuration and complexing behavior, which might have re-
sulted, were avoided by using freshly prepared solutions. Complexing
and neutralization reactions were relatively slow, and the green com-
plex tended to change color after a day or so, probably because of
oxidation. The amount of color development and the rate of com-
plexing were strongly influenced by pH. Close agreerent of results
in successive sets of samples therefore was not always attained.

The strength of the digallic complex suggests that in solutions
containing about 10 ppm of digallic acid and a few tenths of a part
per million or less of manganese, the manganese would be about 50
percent complexed. Solutions of this kind may occur in rivers and
lakes, although the nature of the organic matter in such water is
probably not the same as the material studied. Netural coloring
matter can be expected to have significant effects both as a reducing
agent and as a complexing agent.

PROPERTIES OF GALLIC ACID

Experiments using gallic acid were compared with those using
tannic acid. The reagent grade gallic acid used in these experiments
was a white powder, having the chemical formula (HO);C;H,COOH -
H,0. The solutions of this material were colorless at first but tended
to darken with age. Both gallic and digallic acids sesmed to serve
as nutrients for fungi which grew luxuriantly in some of the solutions
left in the open air. Biological growths, however, were prevented
from forming in the solutions used in the actual experiments.

The first dissociation constant for gallic acid is r~ported to be
4X107% (Lange, 1956). The acidic properties are therefore stronger
than those of digallic acid. Potentiometric titrations, using glass and
saturated calomel electrodes, indicated a single well-defined inflection
at pH 6.2. The phenolic hydrogen on the gallic acid molecule appears
not to be active as a source of protons until the pH has increased
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considerably beyond 6.2, but phenolic hydrogens probabl7 become
available at about pH 8.

Gallic acid is an effective reducing agent and, like digellic acid,
reacts with permanganate ions to yield Mn*2.

In the titration of gallic acid solutions with sodium bycroxide, a
green color was observed which increased in intensity when the pH
increased. This color probably resulted from the disruption or
rearrangement of the gallic acid molecules. A very similar color was
observed when gallic acid and manganese solutions were mixed and
the pH adjusted. When manganese was present, however, the color
appeared more rapidly and at a lower pH. The color developed in
the presence of manganese was a more yellowish shade of green,

The nature of the complex formed between gallic acid anc divalent
manganese has been studied by Kachbawaha and Bhattacharya
(1962). These investigators used higher concentrations of reactants
and worked at a lower pH than in the work described here, but they
did report a green color in some of their solutions. They rported a
1:1 complex whose stability constant is 1026, This comp-res with
the value 10%° for the 1:1 complex of divalent manganese and digallic
acid determined in the present experiments.

Observations in the current study indicate that the g-llic acid
complex is weaker than the digallic complex, although perhsps not as
much weaker as the difference between the two constants would
indicate. A preliminary series of experiments in which the gallate
complex was developed at pH 7 in the presence of different amounts
of manganese and gallic acid gave results which indicate¢ the 1:1
association constant was between 102 and 10%. The value of Kach-
hawaha and Bhattacharya is in the lower part of this range. Hence,
refined experimental work to determine the constant more closely
was not undertaken.

COMPLEXES OF Mnt*? WITH OTHER ORGANIC LIGANDS

The compilation of Bjerrum, Schwarzenbach, and Sillen (1957)
includes stability constants for a 1:1 complex of divalent manganese
with several other organic acids which may occur in natural water.
The acids and constants for the type reaction (where M is the metal
ion and L is the organic ligand)

M+L=ML

are as follows: Oxalic acid, K=10%-5-103-%; malonic acid, K=103-",
It would appear that complexes of divalent manganese with the organic
ligands likely to occur in natural waters have similar stabilities.
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Concentrations of a few tens of parts per million of organic acids would
be necessary in order to complex half of the dissolved manganese.
Until more information on the concentrations of manganese in natural
water is available, the importance of complex formers such as these in
influencing the behavior of other solutes cannot be evaluated.

COMPLEXES WITH HIGHER OXIDATION STTATES OF

MANGANESE

The oxidation state of manganese, which normally is to be expected
in natural water, is Mn*?, Thermodynamic data in the literature
show that oxidation of the divalent form will norrmally produce
Mn** (Hem, 1963), and most aqueous species of trivalent manganese
which might be formed as intermediate products are unstable. Some
organic complexes of trivalent manganese are known, however. For
example, complexes of oxalate ions with trivalent manganese are
formed at an intermediate stage in the oxidation of oxalate by per-
manganate in acid solution. The mechanism of this oxidation reac-
tion has been rather extensively studied and several values for
stability constants of the oxalate complexes with trivalent manganese
are quoted in Bjerrum, Schwarzenbach, and Sillen (1957). Although
the complexes are strong in the sense that most trivalent manganese
in solution is tied up on the complexes, they are very susceptible to
oxidation. The literature is in general agreement that trivalent
manganese is unstable in aqueous solution and can be expected to
revert either to divalent or to quadrivalent forms. Strictly speaking,
an equilibrium model therefore need not consider trivalent species.
However, some consideration must always be given to metastability,
and the rate of oxidation of divalent manganese was considerably
retarded by the organic acids studied in the work here described.
Some writers have expressed the view that manganese in natural
water may often occur in the trivalent state, presumally either as a
metastable complex or perhaps as a colloidal or molecularly dispersed
hydroxide.

The solid species of manganese oxide to be expected in natural
environments were considered in an earlier paper (Hem, 1963). The
standard free-energy values used for that report indicated that the
hydroxide Mn(OH); was unstable with respect to dehycrated species,
but some indication of hydrated partly oxidized forms was found in
laboratory studies of oxidation of Mn*? solutions in air. It is pos-
sible, however, to assign a mixed-oxide composition to compounds
such as Mn,O;, which thus becomes MnO-MnO, or to Mn;O,; which
becomes 2MnO-MnQ,.

Studies of some of the manganese oxide precipitate« obtained in
the laboratory were made by X-ray diffraction methods, and patterns
corresponding to hydrohausmannite, a hydrated form of Mn;O,, de-




REDUCTION AND COMPLEXING OF MANGANESE BY GALLIC ACIDS D13

scribed by Frondel (1953) were sometimes obtained. (More recently,
Feitknecht, Brunner, and Oswald (1962) have reported that
material prepared and termed hydrohausmannite in earlier experi-
ments was actually & mixture of hausmannite and beta MrO(OH).)
The bulk of the material was too poorly crystallized to give any X-ray
pattern. In some of the digallic and gallic acid solutions containing
dissolved manganese, a flocculent black precipitate formed after the
solutions had stood for several months in contact with air. This
material gave no distinguishable X-ray pattern. Some of the solu-
tions took on a brown color, perhaps owing to some form of complex
of partly oxidized manganese, but possibly also explainakle as an
organic oxidation product, or a colloidal suspension of manganese
dioxide. The brown color could be extracted from these solutions
with amyl aleohol, which suggesis the material was organic and the
result of oxidation of the organic acid.

In a series of solvent-extraction experiments, manganese was left
behind in the water fraction. The water solutions were clear and
colorless, and no precipitates of oxide formed. These facts suggest
that the complexed manganese was originally in the Mr*? form.
Some additional evidence against higher oxidation states in the com-
plexed manganese is the approximate agreement between the calcu-
lations of amounts complexed from the Eh-pH data and tle results
obtained using the stability constant where the Mnt? state was as-
sumed at the beginning. These calculations and the solvent extrac-
tion studies are discussed later in this paper.

This evidence is not complete proof that organic complexes of
trivalent manganese do not occur in natural water. Under the con-
ditions of these experiments, however, manganese evidently did not
oceur in that state.

SOLUTION OF MANGANESE DIOXIDE BY DIGALLIC ACID

The effectiveness of digallic acid as a reducing agent for manganese
dioxide was studied in a series of experiments. Solutions containing
10, 100, and 1,000 milligrams per liter of tannic acid reagent were
prepared. Six aliquots of each solution were adjusted in pH by using
potassium hydroxide or hydrochloric acid, as required, to give a series
of 18 solutions having pH’s of 4.5, 5.5, 6.5, 7.5, 8.5, and 9.5. About
500 ml of each solution was placed in a polyethylene bottle, and 1.0
g reagent-grade manganese dioxide powder was introduced. In addi-
tion to the 18 bottles containing tannic acid solutions, a group of six
bottles was prepared containing distilled water, to which was added
first enough acid or base to give the desired pH and then manganese
dioxide. Air was not excluded from these solutions, owing to the
permeability of polyethylene for gases.

769-002—65—3
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The solutions were allowed to stand at a temperatire of 25°C
and, from time to time, portions were removed for determination of
pH and of redox potential. At the same time, an aliquot was filtered
through a plastic membrane filter having pore diameters of 0.45g,
and analyzed for dissolved manganese using the standard periodate
procedure. The bottles were shaken about once a day to keep the
contents mixed. The solutions remaining after 2 months were
filtered into new bottles, and some further experiments were performed
on these portions.

The results of the determinations are given in tabler 2-5. Some
indication of the nature of the reactions that took place in these
solutions can be gained by examination of these data. General
trends can be summarized as follows:

1. Manganese in solution at first increased with time, but tended
eventually to reach a stable plateau.

2. More manganese went into solution when the amount of tannic
acid was increased.

3. Amounts of manganese dissolved were greatest in solutions that
were started at low pH.

4. The solutions containing tannic acid at an initial pH above 7
decreased in pH on standing. The more acid solutions increased
in pH. Final pH values were generally between 6.5 and 7.0.

5. The Eh of all the solutions tended generally to incresse with time,
at first rapidly and then more slowly.

6. Very little manganese was dissolved in the absence of tannic acid.

7. Solutions containing tannic acid and manganese were colored
green in the early part of the experiment but later a brown color
developed which tended to obscure the original green. The
solutions still absorbed light strongly at the wave length used
in studies of the complex.

TABLE 2.—Manganese concentration and pH of solutions in contact with
manganese dioxide

[Tannic acid absent]

Manganese concentration and pH of solutions in contac' with manganese
dioxide for the initial pH indicated

Time (hours)
4.5 5.5 6.5 7.5 8.5 9.5
Mn |pH |Mn |pH {Mn (pH | Mn | pH | Mn | pH | Mn | pH
0. 0.0 [4.50 | 0.00 (550 0.00)6.50000]7.50]|0.00(850|0,00]| 9.50
3. 497 |oe-. 5.85 |_____. 6.48 |_____ 6.76 | 6.90 (... 9.08
24 111485} .11 (565} ,07)6.07| .07 65| .03|6.77| .07 8.8
72 121408 .12 |572) .07 |6.27| .07]6.58| .04|669} .04} 801
144 .24 | 4.98 17 (571 .06(6.20| .06|6.38| .05]6.40| .01} 7.00
720 .51 1520 33 |(558| .13]58 | .06|6.20| .06(621| ,03{ 6.41
1,820 e .61 | 5.60 3|58 | .36(543| .08(6.01| .08 603 .04} 632
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The rate at which manganese was dissolved is indicated graohically
in figure 1 for solutions initially brought to pH 5.5 and pH 8.5. The
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solutions containing the lower concentrations of tannic acid appeared
generally to reach a state of equilibrium, and manganese concentra-
tion leveled off after about 30 days.

A rigorous evaluation of the results in tables 2-5 and in figure 1 is
complicated by several factors. The results do indicete, of course,
that manganese reduction by the digallic acid takes place and that in
most solutions an apparent equilibrium condition was reached. Con-
sideration of the chemical data and the appearance of the solutions
during the experiment provide some basis for hypotheses regarding
the reactions. If equilibrium is reached, several reactions will be in-
volved. One is the reduction of manganese dioxide, liberating soluble
manganese. Divalent manganese was probably producad rather than
Mn*?® because the more reduced form is the more stable, thermody-
namically, and because the colors which developed in the standing
samples resembled the ones produced by mixing divalent manganese
solutions with digallic acid in the spectrophotometric work. The
appearance of these colors suggests that the complexing reaction in
which divalent manganese is combined with digallate also must be
taken into account. The process of oxidation undoubtedly alters the
digallic acid also, but the oxidized material may still be capable of
complexing manganese.

Polyethylene is permeable to gases, and diffusion ¢f oxygen and
carbon dioxide into the bottles probably took place. The trends in
pH observed in solutions containing no tannic acid (table 2) were
probably the result of carbon dioxide solution. Eh values for solu-
tions that contained no tannic acid were probably influenced by dis-
solved oxygen and were not reported because they are probably not
related to dissolved manganese.

Solutions listed in table 2 reached very low concentrations of dis-
solved manganese because very little oxidizable material was present.
The solutions at lowest pH did contain some chloride, added in the
process of lowering the pH with hydrochloric acid, and some dissolved
manganese could have resulted in these solutions from the oxidation
of chloride to chlorine. Small amounts of soluble manganese also
could have been derived from impurities in the mang-nese dioxide.
The significance of concentrations below 0.10 ppm is somewhat doubt-
ful because the method of determination has low accuracy and pre-
cision in that range.

To interpret the results in tables 3—5, the role of the tannic acid is
assumed to be to reduce manganese from the Mn** state to the Mn*?
state, and to complex part of the Mn*2 These reactions proceed
simultaneously, approaching an equilibrium in which tl'e Eh and pH
are those compatible with the activity of Mn*? in the system. In
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the earlier stages of the reaction, the Eh probably represents a system
involving digallic acid and dissolved oxygen.

In earlier work (Hem, 1963), a series of Eh-pH diagrams were
prepared for manganese systems. From these diagrams an equilib-
rium Eh can be calculated for any activity of dissolved Mn*? and
hydrogen ions. Comparison of this calculated Eh with that actually
measured gives an indication as to the degree to which equilibrium is
reached in the solution. If the calculated Eh is greater than the
measured Eh, the solution is unsaturated and is still capakle of re-
ducing and dissolving more manganese. If the calculated Eh is less
than the measured value, supersaturation with manganese is indi-
cated. This apparent supersaturation could occur in an equilibrium
condition as the result of complexing, by which the effective concen-
tration of Mn*? is decreased to produce MnT+, the 1:1 complex with
digallate ions. The dissolved manganese determined is a total of all
species present. The apparent supersaturation was used to compute
percentage of manganese complexed in a few of the solutions listed
in table 4, and will be discussed later in this report.

The calculated Eh values in tables 3-5 were obtained from large-
scale graphs of Eh, pH, and [Mn*? based on the Nernst equation and
the redox couple MnQO,c+4H*+2¢=Mn*?aq+2H,0.

Because the ionic strength of the solutions was generally low, be-
tween 1073 and 107 an activity coefficient of unity was assumed for
Mn*?, except in the solutions which were highest in digallic acid and
in manganese, where the activity coefficient for Mn*? was estimated
on the basis of the Debye-Hiickel law to be 0.8. The error introduced
by this treatment is small compared to uncertainties in the measure-
ment of Eh.

Reproducibility of Eh measurements in the solutions ccntaining
digallic acid was probably 4-0.02 volt or more. Differences between
observed and calculated Eh amounting to more than 0.02 vc't in the
solutions containing digallic acid may therefore be signific:nt. At
constant pH a change of 0.02 volt in Eh is equivalent to a change in
manganese activity by a factor of about 2. Hence, the Eh is not a
very sensitive indicator of manganese behavior. Some indic~tions of
interest, however, can be obtained by comparing observed and
calculated Eh values listed in tables 3-5.

The observed Eh values in table 3 were at first considerably below
the calculated ones, but later in the experiment the calculated and
observed values reached agreement, within 0.02 volt. This apparent
equilibrium was reached earlier with the solutions started et a high
pH. In general, more than 70 hours was required to reach equilib-
rium. In all but the one containing the smallest amount of dissolved
manganese, the Eh data seem to show consistent supersaturation at
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the time of the last observation (1,320 hr). The difference between
observed and calculated Eh, however, never reached a value greater
than 0.02 volt in any of these solutions.

The data in table 4 represent systems where enough digallic acid
was present to bring about more extensive reduction and complexing
effects. The calculated and observed Eh values are in approximate
agreement at 670 hours. The observations at 1,320 L ours show that
the amount of manganese in solution is greater than could be explained
by assuming only Mn*? ions are present. The solutions were filtered
after that series of observations and allowed to stand with no manga-
nese dioxide present until the final set of analyses were made after a
total elapsed time of 2,600 hours. All except two cf the solutions
showed some supersaturation at that time.

Table 5 lists results for the solutions containing 1,000 ppm of
tannic acid. The amounts of manganese brought into solution were
greater than in corresponding solutions containing lesser amounts of
tannic acid. At the two lower pH levels the saturation point had not
been reached at 1,320 hours. A later observation on these two solu-
tions did not give a usable value for manganese concentration because
the fractions to be used for this purpose were lost anc no more solu-
tion was left. Equilibrium, however, was probably reached in these
solutions between the 1,320- and 2,500-hour obse-vations. The
solutions having initial pH’s of 6.5 or higher reached apparent equilib-
rium at 1,320 hours, and indicated supersaturation at 2,500 hours.

The general rend of the data is also indicated by figure 1. The
solutions containing lesser amounts of tannic acid gave curves which
generally began to level off sooner than the more concentrated solu-
tions. The illustrations also show the increased capacity for reduc-
tions of the solutions that had lower initial pH’s. Because the
graphs represent systems influenced by several variables, they cannot
be very rigorously interpreted as indications of reaction rates, but
they do show general trends in the establishment of equilibrium in
the solutions.

CALCULATION OF AMOUNT OF MANGANESE CCMPLEXED

The amount of manganese complexed in these solutions can be
calculated from the available data and the stability constant for the
1:1 complex, if certain assumptions are made. The equations re-
quired are:

MoT*] . 50
Mo 7] ®)
Z{Mn]=[Mn**]4-[MnT+], (6)

Z[T)=[T"]+MnT*]+[HT], )
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and -

All activity coefficients are assumed to be unity, and the initial
concentration of digallic acid is used as Z[T]. Neither of these
assumptions is strictly correct, but for the dilute solutions used in
these experiments the effect of activity coefficient corrections would
be small. The effect of oxidation on the complexing properties of the
digallate ion is not easily evaluated. An amount of digllic acid
equivalent to perhaps two tenths of the manganese reduced would be
oxidixed, but the oxidized digallate might still be capable of com-
plexing manganese. Refinement of the assumption that tke availa-
bility of digallate for complexing is not seriously affected by oxida-
tion-reduction reactions seems impracticable. The dissociation
constant for digallic acid, 107%° was estimated in earlier studies
(Hem, 1960) and is only approximate.

Simultaneous solution of these equations is possible for any of the
sets of observations reported in tables 3-5, and will give values for
activity of complexed manganese as well as other dissolved species
within the limits imposed by the assumptions., The computation,
however, was made for only six observations, reported in table 4,
where approximately constant dissolved manganese concentrations
had been reached. For the six observations the extent of complex
formation can also be estimated by using pH and Eh data.

In samples where measured Eh exceeded the calculated Eh, a
situation indicating apparent supersaturation with Mn*% the activity
of Mn*? at equilibrium can be calculated by using measured pH
and Eh values and the Nernst equation. The difference between
the calculated activity of divalent manganese and the total dissolved
manganese concentration determined by analysis can then be assigned
to the complexed form. This method of evaluating the complexing
effect has a rather low order of accuracy because small differences in
Eh can bring about major differences in Mn*? activity. F.esults of
computations by both methods are listed in table 4 in terms of per-
cent of total manganese present as the complex.

The proportion of complexing of the manganese ranged from 46 to
66 percent when calculated from the stability constant of the postu-
lated complex. The degree of complexing calculated from the redox
potentials was generally somewhat greater and ranged from 77 to 99
percent. Although the values do not check very closely, agreement is
about as good as could be expected in view of the uncertairty in the
measured Eh and thus they lend some further support to the value for
K,, the stability constant, which was calculated in this study.
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SOLVENT-EXTRACTION EXPERIMENTS

A solvent-extraction technique was used in an atteript to isolate
the digallic-manganese complex. The solutions which had stood in
contact with solid manganese dioxide long enough to dissnlve consider-
able Mn*? were filtered and portions were extracted in separatory
funnels with different organic solvents having low solubility in water.
The solvents most effective in removing the color from the solutions
containing complexed manganese were butyl and emyl alcohol.
Carbon tetrachloride, benzene, xylene, hexane, amyl acetate, 4-methyl
propanone, and chloroform all were tried but were not capable of
removing either the color or the manganese from the water fraction.
Although the butyl and amyl alcohol extractions seemed to remove the
colored material, the manganese remained behind the water layer.

The solvent-extraction experiments indicate that the complex does
not have a strong enough linkage between the organic molecule and
the manganese to survive the extraction, and this spproach was
abandoned.

STABILITY OF COMPLEX TOWARD OXIDATION

After the digallic acid solutions had attained a maximum concentra-
tion of dissolved manganese, a selected group represerting different
reagent concentrations and starting pH values were filtered through
plastic membrane filters with pores 0.45 micron in diameter. Air was
bubbled through the samples for 10 hours and they were again filtered
and analyzed for manganese. No change in manganess content had
occurred. The pH of the samples was then raised to 9.00 with sodium
hydroxide and again air was bubbled through them for 1 hours. This
time, after filtration, the manganese in solution had decreased by
about 10 percent.

In previous experiments (Hem, 1963), rates of oxidation of divalent
manganese were measured at pH 9.0. In the absence of sulfate and
bicarbonate, one-half of the manganese was oxidized in 114 minutes.
Half times of 60-80 minutes were observed in the presence of sulfate
and bicarbonate. Obviously, the reaction is very much slower in the
presence of digallic acid.

Experiments were made using solutions of manganese complexed
with digallic and gallic acids in which the pH was raised to about 9.5
and was maintained at a selected value. Samples were periodically
removed, filtered through a plastic membrane filter, and analyzed for
manganese. The results indicated that the rate of loss of manganese
attributable to the destruction of the complex by oxidation is appreci-
able. The half time indicated for pH 9.8 was about 8 hours for the
manganese-digallate complex. The stability of the gallic acid complex
toward oxidation was similar.



REDUCTION AND COMPLEXING OF MANGANESE BY GALLIC Acit? D23
SOLUTION OF MANGANESE DIOXIDE BY GALLIC ACID

A series of equilibrium experiments like the ones used for digallic
acid was performed to evaluate the reducing and complexing action
of gallic acid on manganese dioxide. Because these organic acids
are chemically similar to each other, a less elaborate series of experi-
ments for gallic acid appeared to be reasonable and capable of demon-
strating points of similarity or differences in behavior. Accordingly, a
series of four 500-ml samples was prepared; two contained 50 ppm
and two contained 200 ppm of gallic acid. The pH of one of the
50-ppm gallic acid and that of one of the 200-ppm gallic acid solutions
was raised to about 7.75. The other two solutions were not sdjusted
but were left at the pH near 4.0, reached as a result of the dissnciation
of the gallic acid. To each solution was added 1.0 g of reagent-grade
manganese dioxide. The solutions were allowed to stand in poly-
ethylene bottles, at 25°C, for about 5 months. During this time the
pH, Eh, and manganese, which passed through plastic filter membrane
with 0.45-u diameter pores, were measured on three occasion<. The
results are listed in table 6. The data do not give enough points to
prepare graphs but can be compared approximately with the results
obtained in experiments with digallic acid.

In the first 18 hours all four solutions reduced some of tle man-
ganese and brought it into solution. As was observed in the earlier
experiments with digallic acid, the reducing action was stronger at
the lower pH, and the strong solution of gallic acid brought more
manganese into solution than the weaker one. The observation at
310 hours showed a considerable further increase in dissolved man-
ganese. This dissolution followed the same pattern observed at the
end of the first 18 hours. The final observation was made more than
4Y% months after the experiment was started and showed a smaller
amount of dissolved manganese than the 310-hour measurement.
On very long standing it would seem the gallic acid and the complex
are destroyed or altered by oxidation by atmospheric oxygen.

The pH of the solutions tended to converge, the final value being
above 7.0 and appreciably higher than was noted in solutions of
digallic acid.

The calculated values for Eh reported in table 6, as in tables 2-5,
are based on the equilibrium involving manganese dioxide and
divalent manganese without complexing. Approximate agreement
between observed and calculated Eh was obtained at 31C hours,
except for one sample which seemed to reach this agreement earlier.

The calculated Eh was considerably less than the observed Eh
at the time of the final observation; this fact indicates some degree of
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TaABLE 6.—Manganese concentration, pH, and Eh of solutions of gallic acid in
contact with manganese diozide

Manganese concentration, pH and Eh of 50-ppm and 200-ppm gallic acid solutions
for the initial pH indicated
50 ppm gallie acid
Time (hours) Initial pH, 4.1 71
Eh (volts) Eh (volts)
(Gom) | pH ooy | pE
PP Observed| Calcu- P P Observed| Calcu-
lated lated
O . 4.10 0.49 | |- 7.70 0.35 [oeen_-
18 o 5.9 5.33 .49 0.71 3.2 6. 78 .44 0. 54
310.________ 13 7.25 .46 .46 8.0 7. 38 .47 . 46
3,380_______ 9.7 7. 80 . 54 .46 4.8 7.45 .53 .46
200 ppm gallic acid
3.8 7.8
Eh (volts) Eh (volts)
( Mll‘lll) H (Mxllln) H -
PP P Observed| Calcu- P r Observed| Calcu-
lated lated

| I 3. 80 0.54 | ____|._____ 7. 80 0.32 |-
18 . 12 4. 38 .51 0. 81 6.3 7. 14 .37 0. 49
310 ________ 46 7.01 .48 .48 24 7.45 .47 .44
3,380 ....__ 39 7.70 .52 .40 17 7. 90 .50 .38

supersaturation. If it were assumed that the differance between
observed and computed Eh could all be ascribed to effects of complex-
ing of divalent manganese, nearly all the dissolved manganese would
be assigned to the complexed form.

The amount of complexing to be expected in these solutions was
computed by using equations analogous to the ones used for digallic
acid. The stability constant of 10%*¢ for the 1:1 complex (Kach-
hawaha and Bhattacharaya, 1962) and the first dissocintion constant
for gallic acid of 10~*-%° (Lange, 1956) were used. The computations
gave a maximum of some 10 percent of total manganese complexed
in the solutions containing 50 ppm gallic acid and about 20 percent
complexed in the solutions containing 200 ppm gallic acid.

One might assume that the 310-hour observation for the 200-ppm
gallic acid solution started at pH 7.8 represents a condition less com-
plicated by oxidation and related alterations that probably affected
all the observations at 3,380 hours. If this is assumed then the
proportion of manganese complexed calculated from the pH and Eh
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data is still close to 90 percent of the total dissolved manganese.
The computation based on the reported stability constant indicates
that only 13 percent of the manganese is complexed.

Although these computations are inexact and do not seem sufficient
for calculating a new stability constant for the manganese-gallate
complex, they suggest that the complex is somewhat more stable than
the published data would indicate; a value nearer 10° would agree more
closely with results obtained in this work.

EFFECTS OF GALLIC ACID COMPARED WITH THOSE OF
DIGALLIC ACID

Comparison of the results of the experiments with gallic acid and
with digallic acid suggests that gallic acid is more effective than digal-
lic acid as a reducing agent, both with respect to the rate of reaction
and to the amount of manganese reduced per unit weight of organic
acid. However, digallic acid evidently forms a complex with divalent
manganese that is more resistant to oxidation than the one formed
with gallic acid.

The amount of manganese brought into solution after 18 hours, in
solutions containing 50 ppm gallic acid, was greater than amounts in
solution after a similar length of time in solutions at similar pH con-
taining 100 ppm or even 1,000 ppm of digallic acid. Upon standing,
a Joss of manganese was observed in solutions containing gallic acid.
This effect was generally absent or less pronounced in solutions con-
taining digallic acid. The more rapid increase in dissolved mar zanese
in early stages of the experiment, and the attainment of highe~ man-
ganese content per milligram of organic acid originally present when
gallic acid was the reducing agent, demonstrate the superiority of
gallic acid as a reducing agent. However, the apparent loss of
manganese from solution by oxidation and the behavior of gallic acid
and manganese in spectrophotometric experiments show that the
complexing action of the digallic acid is stronger than that of gallic
acid.

IMPORTANCE OF REDUCING AND COMPLEXING IN
NATURAL SYSTEMS

As this paper and its three predecessors dealing with the chemistry
of manganese in natural water have pointed out, organic factors of
various types are frequently important. Except for the water from
some thermal springs and water which has been polluted, surface or
ground water containing more than 0.10 ppm manganese mey well
have been affected by these organic factors. For example, the move-
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ment of ground water into and out of sediments rich in organic debris
provides an excellent mechanism for producing a low Eh, reducing
manganese oxides, and retaining the dissolved mangarase in solution
by complex formation.

Published data on composition of river water g've few direct
indications of the influence of organic matter in the occurrence of
manganese in natural water. One might expect, for example, a posi-
tive correlation between manganese content and the amount of or-
ganic coloring matter present in river waters, at least in regions where
manganese is readily available in the soil. Although cnly a few data
exist for testing this hypothesis, because so few waters have been
analyzed for manganese, no strong correlation is indicated. In
pools adjacent to the channel of the Cacapon River in West Vir-
ginia, Slack (1964) found that increased manganese concentration
was due to leaching of leaves which had fallen or were otherwise
brought into the pools, and the amount of manganese as well as some
other elements was greatest in the most highly colored water. The
leaves themselves were probably the source of manganese at this lo-
cation. The data on composition of river waters of the world collected
by Durum, Heidel, and Tison (1960) show no well-defined relation be-
tween color intensity of water and manganese content for the whole
mass of data, but for some individual streams there is an indication
of higher manganese content at times when the water is more highly
colored.

Manganese determinations for samples of streams in the Ohio River
basin show that frequently the higher manganese concentrations occur
in the more highly colored waters, but there are many exceptions to
this general trend (U.S. Geol. Survey, 1960), especicly in streams
where large amounts of manganese are brought in by disposal of
industrial waste or by mine drainage.

The principal importance of processes involving organic materials
in the occurrence of manganese in natural water is probably in con-
nection with the reduction of manganese oxide. Absorption of
manganese from soil by growing plants is no doubt a major factor in
making the element available for solution in runoff. T™e reduction of
oxide by organic matter in soil moisture or in the bottom mud of lakes
is probably also a common process. It is not difficult to visualize
mechanisms by which water might be induced to move from organic-
rich environments through zones containing oxidized menganese, as for
example in collector wells near streams. The manganese content
of water pumped from some wells might thus tend to increase with
time.

The aim of the work which has been described was to present in a
systematic way a summary of the chemical factors which control the
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behavior of manganese in relatively pure natural water at and near the
land surface. The behavior of manganese in hydrothermal environ-
ments and in brines, or factors which might bring about accurulation
of manganese minerals, may be related to some of the topics which
have been discussed. These topics, however, represent arees which
were not directly investigated.

Most of the theoretical concepts discussed in this series of papers
were tested in the laboratory. Field investigations of menganese
behavior in ground water, giving particular attention to mineral
sources of the element in rocks and soils, and studies of areers where
solution and deposition of manganese occur in beds of rivers ard creeks
would be desirable as a further test of the concepts. Colle~gues in
the Geological Survey and others who might be able to do so are urged
to undertake these studies.
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