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Concept QuickStart Report: Corrosion 

 

Unit: Unit 2: Electrochemistry  

Subject: For CBSE Class 12 Chemistry 

Section 1: UNDERSTANDING THE CONCEPT 

1.1 What Is Corrosion? (Core Idea and Anchor Definition) 

At its simplest, corrosion is the gradual destruction of metals through chemical reactions 
with their environment. However, for a chemist, it is crucial to understand the process at a 
deeper level. The core idea is that corrosion is essentially an unwanted, naturally 
occurring electrochemical cell. 

Instead of a controlled setup in a beaker, the metal surface itself becomes the site of a 
spontaneous redox reaction. Tiny, distinct areas on the metal act as anodes and cathodes, 
while a film of moisture acts as the electrolyte, completing a galvanic cell circuit that 
consumes the metal. 

Anchor Definition: Corrosion is the oxidative deterioration of a metal that results from its 
reaction with environmental factors like air and water. It is an electrochemical phenomenon 
where the metal is converted into a more chemically stable form, such as its oxide, hydroxide, 
or sulfide. 

1.2 Why Corrosion Matters 

Understanding corrosion is not merely an academic exercise; it has immense real-world 
importance. The economic and safety implications are staggering. Corrosion is responsible 
for the degradation of essential infrastructure like bridges, pipelines, and buildings. It 
damages vehicles, ships, and industrial machinery, leading to enormous financial losses in 
replacement and repair. 

From a safety perspective, the failure of a corroded part can be catastrophic. Furthermore, 
corrosion represents a significant waste of natural resources, as the energy and materials 
used to produce metals are lost when they corrode back into their natural, oxidized states. 

1.3 Why This Concept Exists 

Within the unit of Electrochemistry, corrosion serves as a vital, large-scale illustration of 
galvanic cell principles. While we study concepts like standard electrode potentials and 
redox reactions using neatly constructed cells like the Daniell cell, corrosion demonstrates 
these same principles at work in a destructive, uncontrolled manner. 

This topic exists to bridge the gap between theoretical electrochemistry and the tangible 
world. It forces you to apply your knowledge of anodes, cathodes, electrolytes, and cell 
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potentials to explain a common and costly phenomenon. It proves that the fundamentals of 
electrochemistry are not confined to the laboratory but govern critical processes all around 
us. 

1.4 Analogies and Mental Image 

The most effective mental image for corrosion is to picture a metal surface as the host of 
millions of microscopic, short-circuited batteries. 

Imagine a single drop of water on an iron sheet. The spot directly under the center of the 
droplet, where oxygen is less available, becomes the anode (the negative terminal). Here, the 
iron "sacrifices" itself, oxidizing into iron ions (Fe²⁺) and releasing electrons. 

Anode: Fe → Fe²⁺ + 2e⁻ 

The edge of the water droplet, rich in dissolved oxygen from the air, becomes the cathode 
(the positive terminal). The electrons released from the anode travel through the solid iron 
metal (acting as the "wire") to this edge. Here, they reduce oxygen in the presence of hydrogen 
ions from the water. 

Cathode: O₂ + 4H⁺ + 4e⁻ → 2H₂O 

The water droplet itself acts as the electrolyte, allowing the Fe²⁺ ions to move. This 
completes the circuit. The result is a tiny, self-sustaining battery that runs until the iron anode 
is consumed. 

1.5 Everyday Context and Applications 

You encounter corrosion constantly: 

• Rusting: The reddish-brown flaky coating on an iron gate, a nail left outdoors, or the 
underbody of an old car is the most common example. 

• Tarnishing: The black coating that forms on silver objects is silver sulfide (Ag₂S), a 
product of corrosion from sulfur compounds in the air. 

• Patina Formation: The green layer on copper roofs and bronze statues is a form of 
corrosion, resulting in the formation of basic copper carbonate. 

The primary "application" of understanding corrosion lies in its prevention. This is a massive 
field of engineering and chemistry, including methods like: 

• Painting/Oiling: Creating a barrier to keep out moisture and oxygen. 

• Galvanization: Coating iron with a layer of zinc. Zinc is more reactive than iron, so it 
acts as a "sacrificial anode," corroding first and protecting the iron underneath. 

• Cathodic Protection: Connecting the metal to be protected (e.g., a ship's hull or an 
underground pipeline) to a more easily oxidized metal, which corrodes instead. 
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Section 2: WHAT THE TEXTBOOK SAYS (NCERT) 

2.1 NCERT Key Statements 

Based on the principles outlined in the NCERT curriculum, the following statements are 
central to understanding corrosion: 

• Corrosion is fundamentally an electrochemical phenomenon where a metal is 
oxidized by losing electrons to oxygen and forming oxides. 

• In the process of rusting iron, specific locations on the metal's surface function as 
anodes, while other locations function as cathodes. 

• A film of water containing dissolved atmospheric gases like oxygen and carbon dioxide 
serves as the electrolytic solution. 

• The final product we identify as rust is hydrated ferric oxide (Fe₂O₃·xH₂O). This forms 
when the ferrous ions (Fe²⁺) produced at the anode are further oxidized by 
atmospheric oxygen in the presence of water. 

2.2 NCERT Examples and Distinctions 

The NCERT curriculum places primary emphasis on the electrochemical mechanism of the 
rusting of iron. 

Primary Example: Rusting of Iron The process sets up a galvanic cell on the iron's surface: 

1. Anode Reaction (Oxidation): Iron atoms lose electrons and enter the solution as 
ferrous ions. Fe(s) → Fe²⁺(aq) + 2e⁻ The standard electrode potential for this half-
reaction (as an oxidation) is E° = +0.44 V. 

2. Cathode Reaction (Reduction): Electrons released at the anode travel through the 
metal to another site, the cathode. Here, in the presence of H⁺ ions (formed when CO₂ 
from the air dissolves in water to make carbonic acid, H₂CO₃), oxygen is reduced. O₂(g) 
+ 4H⁺(aq) + 4e⁻ → 2H₂O(l) The standard reduction potential for this half-reaction is E° = 
+1.23 V. 

3. Overall Cell Reaction: To get the overall spontaneous reaction, we balance the 
electrons and add the half-reactions: 2Fe(s) + O₂(g) + 4H⁺(aq) → 2Fe²⁺(aq) + 2H₂O(l) 

4. Cell Potential: The standard emf of this miniature cell is calculated as: E°cell = 
E°cathode - E°anode = 1.23 V - (-0.44 V) = +1.67 V The positive value of E°cell confirms 
that the overall reaction is spontaneous. 

5. Rust Formation: The ferrous ions (Fe²⁺) are subsequently oxidized by atmospheric 
oxygen to ferric ions (Fe³⁺), which combine with water molecules to form hydrated 
ferric oxide, Fe₂O₃·xH₂O, the substance we call rust. 

Other Examples: 
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• Tarnishing of Silver: Silver reacts with hydrogen sulfide (H₂S) in the air, forming a black 
layer of silver sulfide (Ag₂S). 

• Corrosion of Copper: Copper develops a characteristic green coating of basic copper 
carbonate [CuCO₃·Cu(OH)₂] upon exposure to moist air containing carbon dioxide. 

Section 3: CLARITY AND MEMORY 

3.1 Key Clarity Lines 

To ensure you have grasped the core principles, internalize these clarifying statements: 

• Corrosion isn't just a surface stain; it's an active electrochemical cell, with an anode, a 
cathode, and an electrolyte, all located on the metal itself. 

• The metal acts as its own worst enemy: it provides the material for the anode (which is 
destroyed) and the electrical connection ("wire") for electrons to flow to the cathode. 

• The role of water is not just to make the surface "wet." It is the essential electrolyte that 
carries the ions, without which the electrochemical circuit cannot be completed. 

• Rust itself is the secondary product. The primary electrochemical event is the 
oxidation of iron to Fe²⁺ ions. Rust forms only after these ions are further oxidized. 

3.2 How to Remember Corrosion 

To easily recall the mechanism for the rusting of iron, use the simple framework "ACE": 

• A - Anode: This is where the damage happens. The Active metal (Iron) undergoes 
oxidation. Remember the mnemonic An Ox (Anode is Oxidation). 

o Reaction: Fe → Fe²⁺ 

• C - Cathode: This is where oxygen is consumed. Think of it as the "clean" spot where 
reduction occurs. 

o Reaction: O₂ → H₂O (in the presence of H⁺) 

• E - Electrolyte: This is the medium that connects the anode and cathode. It's simply 
Environmental water. 

By remembering the three components—Anode (Iron oxidation), Cathode (Oxygen reduction), 
and Electrolyte (Water)—you can reconstruct the entire process. The metal gets eaten away 
at the anode, oxygen gets used up at the cathode, and water completes the circuit. 

 


