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Understanding redox reactions and their thermodynamic parameters is
fundamental in chemistry. When analyzing a redox process, especially one that
reaches equilibrium, calculating the Gibbs free energy change (ΔGᵣₓₙ) and the
cell potential (Eₓₑₗₗ) at standard conditions (25°C or 298 K) provides
valuable insights into the spontaneity and energy dynamics of the reaction.
This article aims to guide you step-by-step through the process of
calculating ΔGᵣₓₙ and Eₓₑₗₗ for a redox reaction involving two electrons
transfer, emphasizing the importance of these calculations in understanding
reaction equilibria.

Understanding Redox Reactions and Their
Thermodynamics

Redox reactions involve the transfer of electrons between species, resulting
in oxidation and reduction processes. The key parameters used to describe
these reactions thermodynamically include:

- Standard Cell Potential (E°ₓₑₗₗ)
- Gibbs Free Energy Change (ΔG°)
- Reaction Quotient (Q)
- Equilibrium Constant (K)

In analyzing reactions at equilibrium, we often focus on standard conditions
(25°C, 1 atm pressure, 1 M concentrations), which serve as a reference point
for thermodynamic calculations.

Fundamental Equations and Concepts

Before delving into calculations, it's essential to understand the
foundational equations:

1. Relationship Between ΔG° and E°ₓₑₗₗ

The standard Gibbs free energy change is related to the standard cell



potential through:

\[ \Delta G^\circ = -n F E^\circ_{cell} \]

where:
- \( n \) = number of electrons transferred (in this case, 2)
- \( F \) = Faraday's constant (~96485 C/mol)
- \( E^\circ_{cell} \) = standard cell potential

2. Gibbs Free Energy Change at Non-Standard
Conditions (ΔG)

At a given reaction quotient \( Q \):

\[ \Delta G = \Delta G^\circ + RT \ln Q \]

where:
- \( R \) = universal gas constant (8.314 J/mol·K)
- \( T \) = temperature in Kelvin (25°C = 298 K)
- \( Q \) = reaction quotient

3. Relationship Between Eₓₑₗₗ and ΔG

The cell potential at any condition (Eₓₑₗₗ) relates to ΔG as:

\[ \Delta G = -n F E_{cell} \]

Rearranged to find \( E_{cell} \):

\[ E_{cell} = \frac{\Delta G}{-n F} \]

4. Relationship Between Eₓₑₗₗ and K (Equilibrium
Constant)

At equilibrium, \( Q = K \), and the Nernst equation at 25°C simplifies to:

\[ E^\circ_{cell} = \frac{RT}{nF} \ln K \]

or in base-10 logarithm:

\[ E^\circ_{cell} = \frac{0.0592}{n} \log K \]

since at 25°C:



\[ \frac{RT}{nF} \ln K \approx \frac{0.0592}{n} \log K \]

---

Step-by-Step Calculation Process

Let's now proceed with the detailed steps to compute ΔGᵣₓₙ and Eₓₑₗₗ for a
specific redox reaction with \( n = 2 \) that has reached equilibrium.

Step 1: Identify Half-Reactions and Standard
Potentials

Suppose the reaction involves the following half-reactions:

- Oxidation: \( \mathrm{Zn} (s) \rightarrow \mathrm{Zn}^{2+} (aq) + 2e^- \)
- Reduction: \( \mathrm{Cu}^{2+} (aq) + 2e^- \rightarrow \mathrm{Cu} (s) \)

Standard reduction potentials (at 25°C):

- \( E^\circ (\mathrm{Cu}^{2+}/\mathrm{Cu}) = +0.34\,V \)
- \( E^\circ (\mathrm{Zn}^{2+}/\mathrm{Zn}) = -0.76\,V \)

The overall cell reaction:

\[ \mathrm{Zn} (s) + \mathrm{Cu}^{2+} (aq) \rightarrow \mathrm{Zn}^{2+} (aq)
+ \mathrm{Cu} (s) \]

Standard cell potential:

\[ E^\circ_{cell} = E^\circ_{cathode} - E^\circ_{anode} = 0.34\,V -
(-0.76\,V) = 1.10\,V \]

Note: Since electrons are transferred from Zn to Cu, the standard potential
is positive, indicating a spontaneous reaction.

Step 2: Calculate Standard Gibbs Free Energy (\(
\Delta G^\circ \))

Using:

\[ \Delta G^\circ = -n F E^\circ_{cell} \]

where:



- \( n = 2 \)
- \( F = 96485\, C/mol \)
- \( E^\circ_{cell} = 1.10\, V \)

Calculations:

\[ \Delta G^\circ = -2 \times 96485 \times 1.10 = -2 \times 96485 \times 1.10
\]

\[ \Delta G^\circ = -2 \times 106,133.5 = -212,267\, J/mol \]

Or approximately:

\[ \boxed{\Delta G^\circ \approx -212\, kJ/mol} \]

This negative value indicates the reaction is thermodynamically favorable
under standard conditions.

Step 3: Determine the Equilibrium Constant (\( K \))

Using the relationship:

\[ \Delta G^\circ = -RT \ln K \]

Rearranged:

\[ \ln K = -\frac{\Delta G^\circ}{RT} \]

Plugging in the values:

- \( R = 8.314\, J/mol·K \)
- \( T = 298\, K \)
- \( \Delta G^\circ = -212,267\, J/mol \)

Calculations:

\[ \ln K = -\frac{-212,267}{8.314 \times 298} = \frac{212,267}{2477.572}
\approx 85.66 \]

Therefore:

\[ K = e^{85.66} \]

This is an extremely large number, indicating the reaction strongly favors
products at equilibrium.

---



Calculating \( E_{cell} \) at Equilibrium and
Under Non-Standard Conditions

1. At Equilibrium: \( E_{eq} \)

By the Nernst equation:

\[ E_{cell} = E^\circ_{cell} - \frac{RT}{nF} \ln Q \]

At equilibrium, \( Q = K \), so:

\[ E_{eq} = E^\circ_{cell} - \frac{RT}{nF} \ln K \]

But since:

\[ \frac{RT}{nF} \ln K = \frac{\Delta G^\circ}{n F} \]

and:

\[ \Delta G^\circ = -n F E^\circ_{cell} \]

we find that:

\[ E_{eq} = 0\, V \]

which is consistent with the principle that the cell potential is zero at
equilibrium.

Therefore:

\[ \boxed{E_{eq} = 0\, V} \]

2. Cell Potential Under Non-Standard Conditions

Suppose the reaction quotient \( Q \) differs from \( K \), perhaps due to
concentration changes.

Using the Nernst equation:

\[ E_{cell} = E^\circ_{cell} - \frac{0.0592}{n} \log Q \]

Where:

- \( Q = \frac{[\mathrm{Zn}^{2+}]}{[\mathrm{Cu}^{2+}]} \)

If, for example:



- \( [\mathrm{Zn}^{2+}] = 0.1\, M \)
- \( [\mathrm{Cu}^{2+}] = 0.01\, M \)

Then:

\[ Q = \frac{0.1}{0.01} = 10 \]

Calculations:

\[ E_{cell} = 1.10\, V - \frac{0.0592}{2} \times \log 10 \]

\[ E_{cell} = 1.10\, V - 0.0296 \times 1 = 1.10\, V - 0.0296\, V = 1.0704\, V
\]

This demonstrates how changes in concentrations affect the cell potential.

---

Summary of Key Points

- The standard Gibbs free energy change (\( \Delta G^\circ \)) provides
insight into the spontaneity of a redox reaction.
- The equilibrium constant

Frequently Asked Questions

How do you calculate the standard Gibbs free energy
change (ΔG°) for a redox reaction with n = 2 at
25°C?
Use the relation ΔG° = -nFE°; where n is the number of moles of electrons
exchanged (here 2), F is Faraday's constant (96485 C/mol), and E° is the
standard cell potential. Once E° is known, plug in the values to find ΔG°.

What is the significance of the equilibrium constant
(K) in relation to E° and how do you calculate it?
The equilibrium constant K relates to E° via the Nernst equation: E° =
(RT/nF) ln K. At 25°C, this simplifies to E° = (0.0592 V / n) log K.
Rearranging gives K = 10^(nE°/0.0592).

How do you determine the cell potential (Ecell) at



non-standard conditions for a redox reaction?
Use the Nernst equation: Ecell = E° - (RT/nF) ln Q, where Q is the reaction
quotient. At 25°C, it simplifies to Ecell = E° - (0.0592 V / n) log Q.

What is the relationship between ΔG, Ecell, and K at
equilibrium?
At equilibrium, ΔG = 0 and Ecell = 0. The relationship ΔG = -nFEcell links
Gibbs free energy to cell potential. The equilibrium constant K relates to
ΔG° via ΔG° = -RT ln K.

How do you interpret a redox reaction with Nn = 2
that has an equilibrium state?
It indicates that two electrons are exchanged during the redox process, and
the reaction has reached a state where the forward and reverse reactions
occur at equal rates, characterized by the equilibrium constant K.

If the standard cell potential (E°) is known, how
can you find the cell potential at equilibrium
(Ecell)?
At equilibrium, Ecell is zero because the reaction has no driving force. To
find Ecell at non-equilibrium conditions, use the Nernst equation considering
the reaction quotient Q.

How does temperature (25°C) influence the
calculations of ΔG and Ecell in redox reactions?
At 25°C (298 K), the Nernst equation simplifies, making calculations more
straightforward. The constants R and T are combined into 0.0592 V for easy
use, simplifying the relationship between Ecell, ΔG, and K.

What steps are involved in calculating ΔG° and E°
for a redox reaction with known standard electrode
potentials?
First, determine E° from standard electrode potentials of cathode and anode.
Then, calculate ΔG° using ΔG° = -nFE°. To find E° at standard conditions, use
the difference between electrode potentials of the half-reactions.

Why is understanding the relationship between ΔG,
Ecell, and K important in redox reactions at



equilibrium?
It helps predict whether a reaction will proceed spontaneously, determine the
extent of reaction (via K), and understand how cell potential changes under
different conditions, enabling better control of electrochemical processes.
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Understanding the thermodynamics of redox reactions is fundamental to
chemistry, especially when it comes to predicting whether a reaction will
proceed spontaneously and how much energy it can produce. This article delves
into the detailed process of calculating the Gibbs free energy change (ΔGrxn)
and the cell potential (Ecell) at standard temperature (25°C) for a specific
redox reaction involving two electrons transferred (n = 2). The focus is on
reactions that are at equilibrium, providing a comprehensive overview of the
theoretical framework and practical steps involved.

---

Introduction

Redox reactions—short for reduction-oxidation processes—are central to
numerous chemical and biological systems, from energy generation in batteries
to metabolic pathways in living organisms. The thermodynamic parameters of
these reactions, notably Gibbs free energy change (ΔGrxn) and cell potential
(Ecell), determine their spontaneity and energy yield. When a reaction is at
equilibrium, the forward and reverse reactions occur at equal rates, and the
free energy change is zero. Yet, understanding how to calculate these
parameters at standard conditions (25°C, 1 atm, 1 M concentrations) remains
critical for chemists and engineers designing systems like electrochemical
cells.

In this article, we explore the systematic approach to calculating ΔGrxn and
Ecell for a redox reaction involving two electrons transfer (n=2), with a
specific focus on reactions at equilibrium. Recognizing the importance of
each parameter and their interdependence allows for better prediction and
optimization of electrochemical systems.

---

Fundamental Concepts in Redox Thermodynamics

1. Redox Reactions and Oxidation Numbers

Redox reactions involve the transfer of electrons between species. They can
be summarized by oxidation states, with oxidation representing electron loss
and reduction representing electron gain. For example:



\[ \text{Oxidized form} \rightarrow \text{Reduced form} + n e^- \]

where \( n \) is the number of electrons transferred.

2. Cell Potential (Ecell)

The cell potential measures the electrical potential difference between two
electrodes in an electrochemical cell. It is a measure of the driving force
behind the redox process. The standard cell potential, \( E^\circ_{cell} \),
is measured under standard conditions (1 M concentrations, 1 atm pressure,
25°C).

The relationship between the cell potential and the Gibbs free energy change
is given by:

\[
\Delta G_{rxn} = - n F E_{cell}
\]

where:
- \( n \) is the number of electrons transferred,
- \( F \) is Faraday’s constant (~96485 C/mol),
- \( E_{cell} \) is the cell potential.

---

Calculating Standard Cell Potential (Ecell)

1. Standard Reduction Potentials

The foundation of calculating \( E^\circ_{cell} \) lies in standard reduction
potentials (\( E^\circ_{red} \)), tabulated for various half-reactions. To
find the overall \( E^\circ_{cell} \), identify the cathode (reduction) and
anode (oxidation) reactions and their respective potentials.

2. Cell Potential Calculation

For a generic reaction involving two half-reactions:

\[
\text{Reduction at cathode:} \quad \text{A}^{n+} + n e^- \rightarrow \text{A}
\]
\[
\text{Oxidation at anode:} \quad \text{B} \rightarrow \text{B}^{m+} + m e^-
\]

The standard cell potential is:

\[
E^\circ_{cell} = E^\circ_{cathode} - E^\circ_{anode}
\]



or, more precisely,

\[
E^\circ_{cell} = E^\circ_{reduction, cathode} - E^\circ_{reduction, anode}
\]

This calculation assumes standard conditions; deviations from these
conditions require adjustments via the Nernst equation.

---

Connecting ΔGrxn and Ecell

The thermodynamic relationship:

\[
\Delta G_{rxn} = - n F E_{cell}
\]

links the free energy change to the cell potential directly. At standard
conditions:

\[
\Delta G^\circ_{rxn} = - n F E^\circ_{cell}
\]

If the reaction is at equilibrium, then:

\[
\Delta G_{rxn} = 0
\]

which implies:

\[
E_{cell} = 0
\]

and the reaction is at its equilibrium potential.

---

Calculating ΔGrxn and Ecell for a Reaction at Equilibrium

1. Recognizing Equilibrium Conditions

At equilibrium, the reaction quotient \( Q \) equals the equilibrium constant
\( K \), and the cell potential is at its equilibrium value:

\[
E_{cell} = E^\circ_{cell} - \frac{RT}{nF} \ln Q



\]

But at equilibrium:

\[
Q = K
\]
\[
E_{cell} = 0
\]
\[
\Rightarrow 0 = E^\circ_{cell} - \frac{RT}{nF} \ln K
\]
\[
\Rightarrow \ln K = \frac{nF}{RT} E^\circ_{cell}
\]

where:
- \( R \) is the gas constant (~8.314 J/mol·K),
- \( T \) is temperature in Kelvin (~298 K at 25°C).

This illustrates that the standard potential directly relates to the
equilibrium constant \( K \).

2. Calculating ΔGrxn at Equilibrium

Using the relationship:

\[
\Delta G_{rxn} = - RT \ln K
\]

and substituting the expression for \( \ln K \):

\[
\Delta G_{rxn} = - n F E^\circ_{cell}
\]

which confirms the link between thermodynamics and electrochemical potential.

---

Practical Example: Step-by-Step Calculation

Suppose we are given a hypothetical redox reaction with:

- \( n = 2 \),
- \( E^\circ_{cell} = 1.10 \, V \).

Step 1: Calculate \( \Delta G^\circ_{rxn} \):



\[
\Delta G^\circ_{rxn} = - n F E^\circ_{cell} = - 2 \times 96485 \times 1.10
\]

\[
\Delta G^\circ_{rxn} = - 2 \times 96485 \times 1.10 \approx - 212,267 \,
\text{J/mol}
\]

Step 2: At 25°C (298 K), the equilibrium constant \( K \):

\[
\ln K = \frac{n F E^\circ_{cell}}{RT} = \frac{2 \times 96485 \times
1.10}{8.314 \times 298}
\]

\[
\ln K \approx \frac{212,267}{2477.7} \approx 85.64
\]

\[
K = e^{85.64} \quad \text{(a very large number, indicating a strongly
spontaneous reaction)}
\]

Step 3: At equilibrium, the cell potential:

\[
E_{cell} = 0 \, V
\]

but the standard potential \( E^\circ_{cell} \) remains a measure of the
reaction’s inherent spontaneity.

---

Special Considerations for Reactions with N = 2 and Equilibrium

When dealing with reactions where \( n=2 \), the calculations are
straightforward but require careful attention to the number of electrons
transferred, as it directly influences the magnitude of ΔG and Ecell.
Reactions at equilibrium have a delicate balance, with the free energy change
being zero when the reaction proceeds in both directions at equal rates, but
the standard potential still provides insights into the reaction’s potential
to proceed spontaneously under standard conditions.

---

Summary and Practical Implications

Calculating ΔGrxn and Ecell at 25°C for reactions with two-electron transfers



involves a combination of thermodynamic principles and electrochemical data:

- Use standard reduction potentials to determine \( E^\circ_{cell} \).
- Apply the relationship \( \Delta G^\circ_{rxn} = - n F E^\circ_{cell} \) to
find free energy change.
- Recognize that at equilibrium, \( E_{cell} = 0 \), and the reaction
quotient \( Q \) equals the equilibrium constant \( K \).
- Use the Nernst equation to assess how deviations from standard conditions
influence the cell potential and free energy.

Understanding these calculations aids in designing efficient electrochemical
systems, predicting reaction spontaneity, and analyzing the thermodynamic
feasibility of redox processes. Whether in developing batteries, fuel cells,
or industrial electrolysis, mastering the interconnectedness of ΔGrxn and
Ecell
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