Lecture 6

More Aqueous Geochemistry of Natural
Waters — OXIDATION/REDUCTION
(aka Redox)

*Redox state, along with pH, is one of two fundamenta |
controls on chemical make up of natural and non-
natural waters.

Pease read chapter 4 of your text, and 29 from the 7! ed this week
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1. Oxidation- Reduction:

Review of "oxidation state" concept.

Oxidation state is a measure of the charge on an atom in any
chemical form. It is the atomic number minus the number or
orbital electrons a chemical species contains.

For monatomic species, it is equal to the ionic charge (e.g.,
Fe*3 ox. state = +3, CI- ox. state = -1).
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1. Oxidation- Reduction: Review of "oxidation state" concept.

For atoms in molecules or compound ions...
oxidation state is calculated using some simple rules:

a. the algebraic sum of the oxidation states of individual atoms in a
compound equals the charge on that compound (e.qg., for SO,%: ox
state O= -2, ox state S= +6)

b. any atom bonded only to itself (i.e., in a pure covalent bond) is given
an oxidation state of 0 (e.g., N, O and H in O,, N, and H,, respectively).

c. the oxidation state of O is -2 in all compounds except peroxides
(H,0,, Na,0,)

d. The oxidation state of H is +1 in all compounds except those where a
metal-hydrogen bond exists, in which case H is -1 ("hydride").

f. in compounds lacking H and O but containing halogens (excepting
rule "b" cases), the halogen is assigned an oxidation state of -1.

e. in almost all cases, assume that alkali metals and alkaline earths
have ox. states of +1 and +2, respectively.
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Remember:
Oxidation state is an approximation of charge distribution in molecules.

With strongly ionic bonds, the oxidation state we assign with these rules
are probably pretty close to reality.

Example:

in the molecule NaCI

Clis given a charge of -1
Na is given a charge of +1, to allow the molecule's charge to be zero.

The bond is highly ionic so oxidation states are realistic.

But, in covalent molecules, electrons are "shared" rather than
transferred. Assigned oxidation states are not clo se to reality.
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Example:

the molecule NO

The oxidation state rules and calculation tells us that:
O is -2 (an assigned value)
N is given a charge of +2

O =-2 and N = +2 implies that N has donated two of its valence electrons
to O.

But, we know that bonds between direct neighbors in the periodic chart
are mostly covalent (close to true electron sharing).

Since this "donation" is not really taking place, this is not a good
measure of reality.

Nevertheless we use the oxidation state convention in order to balance
the net flow of electrons in redox reactions.
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Redox in chemical reactions
Our rules help us understand for instance that this is a redox
reaction...

NO + CIO° NO, +CI

where 2 electrons are transferred per reactant molecule going
to products.

compound: element: Ox. State
NO O -2
NO N +2
ClO O -2
ClO Cl +1
NO , O -2
NO , N +4
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2. Half Reactions:
Any Redox reaction can be broken down into two "half reactions™:

One half reaction will be an oxidation and one will be a reduction.
A simple rule is......

LEO the lion goe
'GER" @9

Lose an Electron is Oxidation,

Gain an Electron is Reduction
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Half Reactions

Let's decompose the reaction | mentioned 2 slides ago:
NO + CIO- NO, +CI

is really the sum of these two 1/2 rxns:

NO NO,+2e and CIO- +2e- +ClI.

As written, both 1/2 rxns are balanced for electrons but not for
material (1 atom of O is missing from each). If we were
looking in a table of 1/2 rxns, we would actually find these:

NO +H,0 NO, + 2e +2H* "LEO"
ClIO+2H*+2e- +CI+H,0 "GER"
when added back together, the H,O and 2H* cancel out.
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3. The Nernst Equation:
E= E°+(0.059/n)logQ at 298 K

We describe this system at equilibrium (when Q =K) using E =0
E® = -(0.059/n)logK, where K = [ NO,]J[CI]
[NOJ[CIOT
E°xn is calculated by adding the applicable 2 E°;/n, Which we get
out of a table ("rxn"= reaction). E°, are tabulated for 1/2 rxns
written as reductions or oxidations.

(Note: E° o is often abbreviated as E°;  E°y, is often
abbreviated as E°).

E° are given relative to the Standard Hydrogen Electrode
upon which the 1/2 rxn 2H" + 2" H, occurs

and for which E° is given a value of 0.000 volts.
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When adding 2 E° together to determine E°, the sign is
reversed for the one 1/2 rxn that is an oxidation as written
(NO +H,O NO,+ 2e +2H" in our case).

A Terribly Confusing situation occurs wherein some E°
tables give values of 1/2 reactions written as oxidations and
some give values for reductions.

Most books, including ours (and IUPAC) uses
Fe* +e  Fe®* E°=0.77V (reduction potential)

But, some texts give this, so watch out
Fe”* Fe* +e E°=0.77 V (oxidation potential)

One needs to know which convention is being used before
applying values.
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4. The concept of pE:

In natural systems, it is common for the extent to which Redox
reactions will occur to be limited by the availability of electrons
being controlled by one dominant half-reaction. We then say that
the system is poised at or near a certain value.

Poising_is exactly analogous to buffering of pH by weak acids.

In Redox poising , the availability of electrons is close to fixed
by a predominant redox reaction

in acid-base buffering , the availability of H* ions is close to
fixed by a predominant acid-base reaction.

pE is defined analogously to pH :
pH = -log[H *] (H* = hydrogen ion concentration)
pE = -log[e ] (e- = electron concentration)
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How can you define the activity of an electron in a solution when
none actually exist as free entities?
pE is a concept not a reality.

2Fe®* +H,  2H" + 2Fe* which is the sum of
2(Fe** +e Fe?) E°= 0.77V
and 2H"+2e H, E°= 0.00V
E°=0.77V
the equilibrium expression for the top 1/2rxn is:
K = [Fe*']/[Fe*[e]

Rearranging.... [e]=[1/K] [Fe*]/[Fe*"]
and -log [e] = -log[1/K] -log([Fe*"]/[Fe**])

pE = PpE° -log([Fe?']/[Fe*'])

In a more general form: pE = pE® - (1/n)log(red/ox)
-0r- PE = pE° + (1/n)log( ox /red)
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Other relationships:

PE° = log[K] and log[K]= _- G°
n 2.3RT
PE= - G° + log (ox/red)
n 2.3RT n
PE=E(_ ) and pE°=E°(__ )
2.3RT 2.3RT
pE=_E and pe°= _E° at 25°C
0.059 0.059
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The cycle of photosynthesis and respiration is one process that
governs the "availability" of electrons (and pH) in natural waters.
This can be schematically represented as a "redox" reaction:
[H'] + H,0 + CO, {CH,0} + O,
acid + "reduced" O + "oxidized" C "reduced" C + "oxidized" O
forward = photosynthesis reverse =respi  ration

not balanced for H; in fact the only about 0.17 mole H" is consumed
per mole of CO, that is converted to organic matter, "{CH,O}". We

discuss the details of this reaction next lecture.

For waters with excess photosynthesis, O, builds up and
pE increases (gets more oxidizing).

The opposite is true in respiration-dominant waters.
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In essence, plants are the major "reducing "
agents of carbon on Earth and
respiring organisms are the oxidizers .

Aerobic respiration uses O, to
Oxidize {CH,O}.

As we discuss next lecture, some organisms (Microbes) use
other oxidizing agents in environments where O, is absent or
rare to oxidize {CH,0}.

These specialize in using one or another complex ion in
solution as a source of O to release energy "fixed" (reduced) C
in the form of organic matter.

This oxidant gets reduced as it is used by the microbe to break
down {CH,0}. The 1/2 rxn for this microbial process poises pE.
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6. The limits of pE and pH in natural waters.
Water is stable if the availability of electrons is such that it is
not all oxidized or reduced by these 1/2 rxns:

oxidizing limit

2H,0 O,+4H"+4e  E°=1.23V, pE°=20.75
reducing limit

4H,0 +4e  2H, + 40H

only the oxidation state of H changes in this reaction, so this
is equivalent to:

4H" + 4e°  2H, E°=0V,pE°=0
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The oxidizing limit for the stability of water @ O,=1 atm
can be described as a function of E° (or pE) and pH:

E=E°+0.059/n log (Pos[H']*[H,0])
which reduces to

E=E°+0.059/4 4log (Po[H')/[H-0])
or E=E°+ 0.059l0g [H']
or E=E°- 0.059pH

E=-0.059pH + 1.23V
or pE=-pH+20.75 interms of pE

Solving instead using Po,=0.2 atm (the value in the modern
atmosphere instead of Po,=1 atm), the equation becomes:

E=-0.059pH + 1.22V (small shift).
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And the reducing limit for the stability of water @ H,=1 atm

E=E°+0.059/n log ([H'1"/Pw>°)
which reduces to

E=E°+0.059/4 4log ([H'1"/Pwd)
or E=E°+ 0.0590g [H]
or E=E°- 0.059pH

E=-0.059pH + OV
or pE=-pH in terms of pE

7. pE/ pH and E p/pH diagrams.
These stability limits of water are linear equations of the form
y=mx+Db
y = Ey m = - 0.059 b=E°
y = pE m=1 b = pE°
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These are parallel lines on EH vs pH or pE vs pH plots (see below)
The parallelogram defines the stability of water on Earth’s surface in
terms of E, and pH

Too oxidizing for water

O)(jdi .
%I limy

or
pe Just right for water

redu .
G limyy

Too reducing for water

pH
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Also given are fields for typical values in various hydrosphere reservoirs.

Note that the farther we get from the atmosphere (sources of light and
CO, and O,), the more reducing the waters become as respiration
dominates over photosynthesis. Increased organic matter almost always

equates to more reducing conditions.
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8. Other ions in the water stability field.

For any solute ion, or combination of solute ions, we can
create "phase" diagrams that will tell the speciation (form) of
that ion in E,, vs. pH or pE vs. pH space for a given solute
concentration in solution.

Mixed ion diagrams are quite complex to construct but single
ion diagrams are not.

Each speciation field in an E,,/pH or pE/pH diagram is
governed by a chemical reaction and each boundary is the
location where the activity products = activity reactants.

Vertical lines have are dependent on pH only (no electron
transfer)
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Let's look at the Sulfate-sulfide system:

Using the equilibrium expressions and K values it is easy to
show that at [HS] = [H,S] at pH = 7, which is the basis of a line
on a pH-pe plot. This line happens to not be dependent on pe
since no electrons are transferred in this chemical reaction.

H,SO4 & HSO,~ + H* (log K = 1.98)
HSO4~ < SO4%~ + HY (log K = —1.98)
H,;S s HS™ + HY (log K =-7)
HS™ = 82— + H* (log K = —12.9)
and the redox half reaction that couples sulfate to sulfide:

SO42~ + 8HY + 8¢~ 82~ + 4H,0  (log K = 20.74)
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C
28

non-Vertical lines are
24 : dependent pE (electron
transfer) and sometimes pH.

Each line is governed by an
equilibrium expression

=l
N
HSO;

This boundary marks equal
activities of SO,- and S2? as in
the rxn below.

-8
-12 This eqgn. corresponds to a
0 2 4 6 8 1012 14 \ PEPH line: pE =2.6 - pH

pH

SO42~ + 8HY + 8¢~ < S2— + 4H,0 (log K = 20.74)
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These diagrams are for Fe oxides and hydroxides in water.

Note that such
diagrams
depend on the
total
concentration of
the element in
the system.

The bold solid
line is marked
with  sis for
[Fe] = 1x106. A
lighter line to its
left is shown for
[Fe] = 1x104.

Dissolved ions: only exist in fairly acidic media (to the left of the line marked with  s).
Insoluble forms: Except for low pE situations, Fe is not particularly soluble in basic media.
Diagram like the one on the right concern themselves only with the dissolved forms.
Boundaries A, B and C are examined on the next slide.
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A. Fe* + e Fe?. There is no pH dependence, so the slope of the line is 0
A horizontal line

En = E° + log [Fe*'J/[Fe®"], so Ey = E®, since [Fe*]=[Fe*]

B. Fe** + H,0  Fe(OH)*" + H'. There is no transfer of electrons. This is simply
a speciation change for Fe(lll).

Log K = log[Fe(OH)*'][H"]/[Fe*'] = log[Fe(OH)*")/[Fe* + pH
Log K=2.2 at 298 K and P= 1 atm (froma thermodynamic data table).

Thus, 2.2 = log [Fe(OH)*/[Fe*1 + pH
solving at [Fe(OH)*] = [Fe*'] —-->2.2 = pH

a vertical line at pH = 2.2
C.Fe* +H,0 Fe(OH)* +H"'+e E° = 0.900
Ey = 0.900 + 0.059 log [Fe(OH)**)/[Fe*'] - 0.059 pH

at [Fe(OH)*] = [Fe®'] ----> E;; = 0.900 - 0.059 pH
this line is parallel to those bounding the stabi lity field of water.
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9. Multiple species in the water stability field.

We can also construct more complicated (mixed species) diagrams for the case

of one cation and many anions, many cations and one anion or many cations and

many anions. An example for the Fe, O, H,O, S and CO, system showing ions
and solids is
given below.
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The orange and yellow fields on the mixed ion pE diagram of the previous page
are affected by the presence of the biologically important elements shown below,
which are also redox sensitive.
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10. The stability diagram for Sodium
Let's consider the reaction of Na metal with water: From the stability diagram
below, we can predict what will occur when Na metal and water are combined.

14

o e o2 The line for the reaction Na* + e~ Na (E° = -

e O H\ 2.74V) is the horizontal line at Ey = -2.74, which is

& Hp ~77| derived from the Nernst equation:

ot | E=E°+0.059/1 log ([Na]J/[Na™)
- he

08 Hy “---- Atthe Na/Na" boundary, [Na']=[Na].

%: - " Note that [Na] is a solid so it would be given unit

20 activity anyway. For this condition, the Nernst

2o . equation reduces to E = -2.74V.

2.8

o 24 e 821 Nag and HyO are thermodynamically unstable
together. When combined, Na  Na’ + e ("leo")
will proceed along with this half reaction: H" + e~ %H, ("ger").

Nag + H'ag Na'@g + ¥2Hzg)
We can see from the total reaction that hydrogen ions are consumed. We
therefore predict our solution will become more basic as the reaction proceeds.
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A second way to write this reaction by combining it with
H20¢) H'(@y*OH g
to get: Na + H,O Na+(aq) + OH_(aq) + 5H 2(9)

As this reaction proceeds, OH’, Hyg + heat are produced (heat is
produced because products are favored = negative G).

As we demonstrated in class, this bit of heat is enough to allow a
second redox reaction to occur:

Hag) + %202  H20(g)
Why does this occur?
Because free H, and O, are not thermodynamically capable of co-

existing at 1 atm and 298 K. We can predict this by the fact that the
two water stability lines on an En/pH or pE/pH diagram do not cross.
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