
Q:molecular oxygen and kaliumpermanganate are oxidizing agents. How wil these compound present 
themselves when in a reduced state?

A: Good question — oxidizing agents are reduced themselves (they gain electrons). Let’s look at each 
compound.

1. Molecular oxygen (O₂)
• In O₂, each oxygen atom has an oxidation state of 0.

• When oxygen acts as an oxidizing agent, it gains electrons.

Common reduced forms of oxygen:

• Oxide ion:

• O2−
(found in compounds like metal oxides, e.g. MgO)

• Water (H₂O) — very common in reactions:

• O2+4e−+4H+→2H2O

• Hydroxide ion (OH )⁻  — in basic solutions:

• O2+2H2O+4e−→4OH−

So, reduced oxygen is usually present as O² , H₂O, or OH⁻ ⁻, depending on conditions.

2. Potassium permanganate (KMnO₄)
Potassium permanganate contains the permanganate ion (MnO₄ )⁻ .

• Oxidation state of manganese in MnO₄  is ⁻ +7

• As an oxidizing agent, manganese is reduced to a lower oxidation state.

Reduced forms depend on the reaction conditions:

a) Acidic solution

MnO4−+8H++5e−→Mn2++4H2O

• Reduced form: Mn²⁺ (pale pink, almost colorless)



b) Neutral or slightly basic solution

MnO4−+2H2O+3e−→MnO2(s)+4OH−

• Reduced form: MnO₂ (solid, brown/black)

c) Strongly basic solution

MnO4−+e−→MnO42−

• Reduced form: manganate ion (MnO₄² , green)⁻

Summary Table
Oxidizing agent Reduced form(s)

O₂ O² , H₂O, or OH⁻ ⁻
KMnO₄ (MnO₄ )⁻ Mn² , MnO₂, or MnO₄²⁺ ⁻
If you want, I can also help you recognize these reductions in redox equations or practice with 
examples.

Q:Please explain the relationship between electronegativity and oxidizing capability of an element 
found in the periodic table of elements?

A:Great question — this goes right to the heart of redox chemistry.

Core idea

Electronegativity measures how strongly an atom attracts electrons in a bond.
Oxidizing capability measures how strongly a substance can gain electrons (be reduced).

Because both involve attraction to electrons, they are closely related.

Relationship between electronegativity and oxidizing power

1. High electronegativity → strong oxidizing agent

• Elements with high electronegativity strongly attract electrons.

• This makes them good at accepting electrons from other substances.

• Therefore, they are strong oxidizing agents.

Example:

• Fluorine (F)

• Highest electronegativity in the periodic table



• Extremely strong oxidizing agent

• Readily gains electrons to form F⁻

2. Low electronegativity → weak oxidizing agent (often strong reducing agent)

• Elements with low electronegativity do not attract electrons strongly.

• They tend to lose electrons instead.

• Such elements are poor oxidizing agents but good reducing agents.

Example:

• Sodium (Na)

• Low electronegativity

• Easily loses an electron → strong reducing agent

Periodic trends

Across a period (left → right)

• Electronegativity increases

• Oxidizing capability increases

• Nonmetals on the right side (especially halogens) are strong oxidizers

Down a group (top → bottom)

• Electronegativity decreases

• Oxidizing capability decreases

Example (halogens):

F2>Cl2>Br2>I2

(oxidizing strength decreases down the group)

Important clarification

Electronegativity applies to atoms in bonds, while oxidizing power applies to elements, ions, or 
compounds in reactions.
So electronegativity is not the only factor.

Other factors include:

• Ionization energy



• Electron affinity

• Oxidation state

• Reaction conditions (pH, solvent)

Still, high electronegativity is a strong indicator of oxidizing ability, especially for nonmetals.

One-sentence summary

Elements with high electronegativity are strong oxidizing agents because they strongly
attract and accept electrons, while elements with low electronegativity tend to be 
reducing agents.

If you want, I can also explain how this relationship appears in electrochemical series or standard 
reduction potentials.

Q: in seawater enruched by ash from a recent volcanic eruption the seawater may contain significant 
amounts of Iron and Manganese, in addition to the usual constituents of seawater. Could you please 
exemplify some electrochemical series relevant to this scenario? 

A: Sure. In this situation you are essentially asking: which redox reactions are thermodynamically 
favored in seawater when extra Fe and Mn are present, and how this compares with the normal 
seawater redox chemistry.

The best way to see this is by looking at electrochemical (standard reduction) series relevant to 
seawater conditions.

1. Core electrochemical series for seawater (simplified)

Seawater is:

• Oxygenated (O₂ dissolved)

• Slightly basic (pH ≈ 8)

• Rich in Cl , Na , Mg² , Ca²⁻ ⁺ ⁺ ⁺

A simplified reduction series (from strong oxidizing agents at the top to strong reducing agents at 
the bottom) is:

Half-reaction (reduction) E° (V)
O₂ + 2H₂O + 4e  → 4OH⁻ ⁻ +0.40
Fe³  + e  → Fe²⁺ ⁻ ⁺ +0.77
MnO₂(s) + 2H₂O + 2e  → Mn²  + 4OH⁻ ⁺ ⁻ +0.40
Fe²  + 2e  → Fe(s)⁺ ⁻ −0.44
Mn²  + 2e  → Mn(s)⁺ ⁻ −1.18
This already tells us a lot about what will happen.



2. Iron chemistry in oxygenated seawater

Volcanic ash can add Fe²⁺ and Fe³⁺ to seawater.

Key comparison:

 O2/OH− (E ≈+0.40∘  V) 

vs.

 Fe3+/Fe2+ (E =+0.77∘  V) 

Because oxygen is present, Fe²  is easily oxidized to Fe³⁺ ⁺:

4Fe2++O2+2H2O→4Fe3++4OH− 

Then, at seawater pH:

• Fe³  hydrolyzes and precipitates as ⁺ Fe(OH)₃(s)

Result:
Iron tends to end up as solid iron(III) hydroxides or oxides.

3. Manganese chemistry in oxygenated seawater

Volcanic ash can add Mn²⁺.

Relevant half-reaction:

 MnO2(s)+2H2O+2e−→Mn2++4OH− (E ≈+0.40∘  V) 

This potential is very similar to oxygen reduction, meaning:

• Mn²  can be oxidized by O₂⁺

• But much more slowly than iron

Overall reaction:

2Mn2++O2+2H2O→2MnO2(s)+4H+ 

Result:
Manganese often persists longer in solution than iron, but eventually forms MnO₂(s) coatings on 
particles.

4. Combined electrochemical series relevant to volcanic ash 
input

Putting the key couples together:



Oxidizing strength (top → bottom):

O₂ / OH⁻

Fe³  / Fe²⁺ ⁺

MnO₂(s) / Mn²⁺

Fe²  / Fe(s)⁺

Mn²  / Mn(s)⁺

From this series you can predict:

• O₂ oxidizes Fe²  → Fe³  (fast)⁺ ⁺

• O₂ oxidizes Mn²  → MnO₂ (slow)⁺

• Fe³  can oxidize Mn²  under some conditions⁺ ⁺

• Metallic Fe or Mn would never survive in seawater

5. Environmental implication

In ash-enriched seawater:

• Iron precipitates quickly and is often scavenged by particles

• Manganese remains dissolved longer

• Redox chemistry strongly controls nutrient availability and trace metal cycling

This is why volcanic ash inputs can temporarily fertilize the ocean but also rapidly remove metals from
solution.

One-sentence takeaway

Electrochemical series show that in oxygenated seawater, iron is oxidized and removed
faster than manganese, because the Fe³ /Fe²  couple lies above the MnO₂/Mn²  couple⁺ ⁺ ⁺
in redox potential.

If you want, I can also show how this changes under low-oxygen (anoxic) seawater conditions.

Q: Yes, please elaborate on how this will play out in low oxygen conditions!

A: In low-oxygen conditions, the chemistry of metals like iron (Fe) and manganese (Mn) behaves 
quite differently. Without dissolved oxygen to act as a strong oxidizing agent, the redox reactions 
involving these metals shift, and their behavior in the seawater changes significantly.



1. Key Differences in Low-Oxygen (Anoxic) Conditions

In anoxic environments, such as deep ocean waters or sediment pore waters affected by volcanic ash,
oxygen is either absent or present in very low amounts. This alters the electrochemical dynamics:

• Oxygen cannot oxidize iron (Fe²  → Fe³ )⁺ ⁺  or manganese (Mn²  → MnO₂)⁺  as efficiently.

• Instead, other compounds or reactions come into play to either reduce iron and manganese or 
to prevent their oxidation.

2. Electrochemical Series Under Low-Oxygen Conditions

Let’s look at how the electrochemical potentials shift when oxygen is limited.

• In oxygenated seawater, we saw that the potential for oxygen reduction (O₂ + 4e  → 4OH ) is⁻ ⁻
+0.40 V.

• In low-oxygen conditions, we focus more on reduction reactions that happen without oxygen.

Now, let’s take a look at the reduction half-reactions for Fe and Mn again, in the context of anoxic 
conditions:

Half-reaction (reduction) E° (V)
Fe³  + e  → Fe²⁺ ⁻ ⁺ +0.77
MnO₂(s) + 2H₂O + 2e  → Mn²  + 4OH⁻ ⁺ ⁻ +0.40
Fe²  + 2e  → Fe(s)⁺ ⁻ −0.44
Mn²  + 2e  → Mn(s)⁺ ⁻ −1.18

3. Iron Behavior in Anoxic Conditions

In anoxic environments, iron (Fe) behaves differently than in oxygenated seawater. Specifically:

• Fe³  (ferric iron)⁺  is a strong oxidizing agent in oxygenated water, but in low-oxygen 
conditions, it can easily be reduced to Fe²  (ferrous iron)⁺  by organic material or by other 
reducing agents present in the water or sediments.

• Since Fe²  (Fe²  → Fe)⁺ ⁺  is much more stable in anoxic conditions (as shown by the negative E° 
of −0.44 V), iron tends to precipitate as Fe²⁺ or stay in solution as Fe²⁺, especially in the 
absence of oxygen.

This leads to:

1. Dissolution of iron in reduced forms (Fe² )⁺  in anoxic waters.

2. Precipitation of iron as iron minerals like FeS or FeCO₃ in the presence of sulfide (from 
microbial activity) or carbonate ions.

Iron does not precipitate as Fe(OH)₃ (which happens in oxygenated conditions), because there’s no 
oxygen to oxidize Fe²  to Fe³ .⁺ ⁺



4. Manganese Behavior in Anoxic Conditions

Manganese, like iron, is also affected by the absence of oxygen, but its behavior is slightly different:

• In oxygenated seawater, Mn²  would typically be oxidized to ⁺ MnO₂ (manganese dioxide), 
which is insoluble and precipitates.

• However, in anoxic conditions, Mn²  is stable⁺  and doesn't form MnO₂ (which requires 
oxygen). Instead, Mn²  remains in solution⁺  and can be readily reduced further into solid 
Mn(s) (metallic manganese) by microbial activity or other reducing agents in the sediment or 
water.

Because Mn² /Mn(s)⁺  has a more negative potential (−1.18 V), it’s easy for Mn²  to remain in its ⁺
reduced form Mn²⁺ in anoxic conditions. Over time, Mn²⁺ can accumulate in solution, or it can form 
MnS (manganese sulfide) if there are sulfides present (common in anoxic environments).

So in low-oxygen conditions, manganese does not precipitate as MnO₂ and remains much more 
soluble than iron.

5. Key Processes in Anoxic Conditions

In anoxic (low-oxygen) seawater or sediment conditions, several processes are at play:

• Iron (Fe² )⁺  can remain dissolved in water, while Fe³⁺ remains reduced.

• Manganese (Mn² )⁺  also remains in solution but does not form MnO₂ (manganese dioxide), as 
it does in oxygenated conditions.

These two metals have different redox potentials that allow them to behave differently in these 
environments:

• Fe²⁺ may precipitate as sulfides (FeS) or carbonates (FeCO₃).

• Mn²⁺ will often remain in solution or form MnS.

The redox series in these conditions tells us that Fe²  is more stable⁺  in anoxic conditions, while Mn²⁺ 
can stay dissolved for a longer period, especially if there are microbial processes that further reduce 
Mn.

6. Summary of Low-Oxygen Behavior

Metal In Low-Oxygen Conditions

Iron (Fe)
Fe²⁺ stays in solution or forms iron sulfides/carbonates. No Fe³  precipitates as ⁺
Fe(OH)₃.

Manganese 
(Mn)

Mn²⁺ remains soluble in anoxic conditions. It does not precipitate as MnO₂, but can 
form MnS in the presence of sulfides.

7. Environmental Implications

• Iron is often sequestered in sulfide minerals like FeS in anoxic environments.



• Manganese, with a more negative reduction potential, can stay in solution longer, contributing 
to the cycling of nutrients in the water column, and it can precipitate as manganese sulfide 
(MnS) if sulfides are present.

In anoxic conditions, both metals can act as important redox mediators and play a role in the cycling 
of carbon, nitrogen, and other nutrients in marine environments.

One-Sentence Summary:

In low-oxygen conditions, iron remains as soluble Fe²  and precipitates as iron ⁺
sulfides, while manganese stays in solution as Mn²  or forms MnS, rather than ⁺
precipitating as MnO₂ like it does in oxygenated conditions.

If you want to go into any of these processes in more detail (e.g., microbial mediation of redox 
reactions), feel free to ask!


