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Understanding how to determine the concentrations of different species in a
carbonic acid (H2CO3) solution is fundamental in chemistry, especially in
acid-base chemistry and buffer systems. In this article, we will explore
step-by-step how to calculate the concentrations of hydrogen ions (H+),
bicarbonate ions (HCO3-), and carbonate ions (CO3^2-) in a 0.025 M H2CO3
solution. Additionally, we will delve into related calculations that often
accompany such problems, providing a comprehensive guide for students and
professionals alike.

Introduction to Carbonic Acid and Its
Dissociation

Carbonic acid (H2CO3) is a weak acid that exists in equilibrium with water
and carbon dioxide. Its dissociation occurs in two main steps:

First Dissociation:

H2CO3 ⇌ H+ + HCO3−

Second Dissociation:

HCO3− ⇌ H+ + CO3^2−

The equilibrium constants associated with these dissociations are:
- Ka1 for the first dissociation, approximately 4.3 × 10^−7
- Ka2 for the second dissociation, approximately 5.6 × 10^−11

These constants are crucial for calculating the equilibrium concentrations of
all species involved.

Part A: Calculating the Concentrations of H+,
HCO3−, and CO3^2−

The process involves applying equilibrium principles, setting up ICE
(Initial, Change, Equilibrium) tables, and solving for unknown



concentrations.

Step 1: Initial Concentration
- The initial concentration of H2CO3 is given as 0.025 M.
- Initially, before dissociation, [H2CO3] = 0.025 M, and [H+], [HCO3−],
[CO3^2−] are all zero.

Step 2: First Dissociation Equilibrium
Set up an ICE table for the first dissociation:

| Species | Initial (M) | Change (M) | Equilibrium (M) |
|-----------|--------------|------------|----------------|
| H2CO3 | 0.025 | -x1 | 0.025 - x1 |
| H+ | 0 | +x1 | x1 |
| HCO3− | 0 | +x1 | x1 |

Ka1 expression:
\[ Ka1 = \frac{[H^+][HCO_3^-]}{[H_2CO_3]} = \frac{x_1 \times x_1}{0.025 -
x_1} \]

Since Ka1 is small, we can approximate \( 0.025 - x_1 \approx 0.025 \),
simplifying to:
\[ 4.3 \times 10^{-7} = \frac{x_1^2}{0.025} \]

Solving for \( x_1 \):
\[ x_1^2 = 4.3 \times 10^{-7} \times 0.025 \]
\[ x_1^2 = 1.075 \times 10^{-8} \]
\[ x_1 = \sqrt{1.075 \times 10^{-8}} \approx 1.037 \times 10^{-4} \, \text{M}
\]

Thus:
- \([H^+] \approx 1.037 \times 10^{-4}\) M
- \([HCO_3^-] \approx 1.037 \times 10^{-4}\) M
- \([H_2CO_3]\) at equilibrium ≈ \(0.025 - 1.037 \times 10^{-4} \approx
0.0249\) M

Step 3: Second Dissociation Equilibrium
Set up ICE for the second dissociation:

| Species | Initial (M) | Change (M) | Equilibrium (M) |
|-----------|--------------|------------|----------------|
| HCO3− | 1.037 × 10⁻⁴ | -x2 | 1.037 × 10⁻⁴ - x2 |
| H+ | 1.037 × 10⁻⁴ | +x2 | 1.037 × 10⁻⁴ + x2 |
| CO3^2− | 0 | +x2 | x2 |

Ka2 expression:
\[ Ka2 = \frac{[H^+][CO_3^{2-}]}{[HCO_3^-]} = \frac{(1.037 \times 10^{-4} +
x_2) \times x_2}{1.037 \times 10^{-4} - x_2} \]

Since Ka2 is very small, and the concentration of HCO3− is low, we can assume
\( x_2 \ll 1.037 \times 10^{-4} \), so:
\[ Ka2 \approx \frac{(1.037 \times 10^{-4}) \times x_2}{1.037 \times 10^{-4}}
= x_2 \]



Thus:
\[ x_2 \approx Ka2 = 5.6 \times 10^{-11} \]

This indicates that the concentration of CO3^2− is negligible compared to
HCO3− and H+.

Final Concentrations in the Solution
- H+ concentration: approximately \(1.037 \times 10^{-4}\) M
- HCO3− concentration: approximately \(1.037 \times 10^{-4}\) M
- CO3^2− concentration: approximately \(5.6 \times 10^{-11}\) M

These results demonstrate that most of the dissolved carbon dioxide remains
as H2CO3 and HCO3−, with negligible carbonate ions.

Part B: Additional Calculations and
Applications

Beyond the primary concentrations, several related calculations are essential
for a comprehensive understanding of carbonate chemistry in aqueous
solutions.

1. pH Calculation
Using the hydrogen ion concentration:
\[ pH = -\log [H^+] \]
\[ pH = -\log (1.037 \times 10^{-4}) \approx 3.98 \]

This pH indicates a mildly acidic solution, typical for a carbonic acid
solution of this concentration.

2. Buffer Capacity
The carbonate system acts as a buffer. The buffer capacity can be evaluated
by considering the concentrations of H2CO3 and HCO3−, which can resist pH
changes upon addition of acids or bases.

3. Impact of pH on Species Distribution
Using the Henderson-Hasselbalch equation:
\[ pH = pK_{a1} + \log \left( \frac{[HCO_3^-]}{[H_2CO_3]} \right) \]
where \( pK_{a1} \approx 6.37 \).

Substituting:
\[ 3.98 = 6.37 + \log \left( \frac{1.037 \times 10^{-4}}{0.0249} \right) \]
\[ \log \left( \frac{1.037 \times 10^{-4}}{0.0249} \right) = 3.98 - 6.37 =
-2.39 \]
\[ \frac{1.037 \times 10^{-4}}{0.0249} = 10^{-2.39} \approx 4.07 \times
10^{-3} \]

This confirms the ratio of bicarbonate to carbonic acid at this pH,



illustrating the equilibrium state.

Conclusion

Calculating the concentrations of H+, HCO3−, and CO3^2− in a carbonic acid
solution involves understanding equilibrium chemistry, applying the
dissociation constants, and making appropriate approximations. For a 0.025 M
H2CO3 solution, the dominant species are H2CO3 and HCO3−, with negligible
carbonate ions under typical conditions. These calculations are vital in
fields like environmental chemistry, physiology, and industrial processes,
where carbonate equilibria influence pH, buffering capacity, and overall
system stability.

By mastering these calculations, students and professionals can better
interpret experimental data and model complex biochemical and environmental
systems.

Frequently Asked Questions

What are the steps to determine the concentrations of
H+, HCO3-, and CO3^2- in a 0.025 M H2CO3 solution?

First, write the dissociation reactions of H2CO3, then set up equilibrium
expressions using Ka1 and Ka2 values. Use the initial concentration and
assume x is small to simplify calculations, solving for the concentrations of
each species step-by-step.

How does the pH of a 0.025 M H2CO3 solution relate to
the concentrations of H+, HCO3-, and CO3^2-?

The pH is determined primarily by the concentration of H+ ions, which can be
calculated from the first dissociation of H2CO3. Once H+ is known, the
concentrations of HCO3- and CO3^2- can be found from the equilibrium
expressions related to Ka1 and Ka2.

What are the typical Ka values needed to calculate
the species concentrations in a carbonic acid
solution?

The common values are Ka1 ≈ 4.3 × 10^-7 and Ka2 ≈ 5.6 × 10^-11 at 25°C. These
constants allow you to set up equilibrium equations for the dissociation
steps of H2CO3.

In a 0.025 M H2CO3 solution, which species is most
abundant at equilibrium?

H2CO3 (carbonic acid) is the most abundant species initially, but due to
dissociation, H+ and HCO3- will be present in significant amounts, with
CO3^2- being minimal unless the pH is high enough to favor its formation.



What is the significance of knowing the
concentrations of H+, HCO3-, and CO3^2- in biological
or environmental systems?

Understanding these concentrations helps assess acid-base balance in
biological systems, such as blood pH regulation, and environmental buffering
capacity in natural waters impacted by carbonate chemistry.

Additional Resources
Calculate The Concentrations Of H+, HCO3-, And CO3^2- In A 0.025 M H2CO3
Solution

---

Introduction

Understanding the behavior of carbonic acid (H₂CO₃) in aqueous solution is
fundamental in fields ranging from environmental chemistry to physiology.
When dissolved in water, carbonic acid undergoes a series of dissociation
steps, producing various ionic species such as hydrogen ions (H⁺),
bicarbonate ions (HCO₃⁻), and carbonate ions (CO₃²⁻). Accurately calculating
the concentrations of these species at equilibrium is essential for modeling
pH, buffering capacity, and carbonate chemistry in natural and biological
systems.

This review presents a comprehensive, step-by-step approach to calculating
the concentrations of H⁺, HCO₃⁻, and CO₃²⁻ in a 0.025 M solution of H₂CO₃. It
synthesizes principles of acid-base equilibrium, dissociation constants, and
solution chemistry, providing a methodology applicable to similar systems.

---

Background: Dissociation of Carbonic Acid

Carbonic acid dissociates in water via two primary equilibrium steps:

1. First dissociation:

H₂CO₃ (aq) ⇌ H⁺ (aq) + HCO₃⁻ (aq)
Equilibrium constant: \(K_{a1}\)

2. Second dissociation:

HCO₃⁻ (aq) ⇌ H⁺ (aq) + CO₃²⁻ (aq)
Equilibrium constant: \(K_{a2}\)

The relevant dissociation constants at 25°C are approximately:

- \(K_{a1} = 4.3 \times 10^{-7}\)
- \(K_{a2} = 5.7 \times 10^{-11}\)

These constants influence the distribution of carbonate species in solution,
depending on pH and initial concentrations.

---



Initial Conditions and Assumptions

- Initial concentration of carbonic acid: [H₂CO₃]₀ = 0.025 M
- Assumption 1: The initial concentration of free H₂CO₃ is equal to the total
because it is the only initially present species.
- Assumption 2: The solution is at equilibrium, with all dissociation
reactions reaching equilibrium.
- Assumption 3: Activity coefficients are approximated as unity, which is
reasonable at dilute concentrations.
- Assumption 4: The contribution of water auto-ionization (Kw) is negligible
relative to acid dissociation in this context.

---

Step 1: Establishing the Equilibrium Expressions

Let:

- x = concentration of H⁺ (which equals the concentration of HCO₃⁻ formed
from the first dissociation)
- y = concentration of CO₃²⁻ formed from the second dissociation

The species concentrations at equilibrium are:

- [H₂CO₃] remaining un-dissociated: \(C_{H_2CO_3} = 0.025 - x\)
- [H⁺]: \(x + x_2\) (from both dissociations), but since the initial
dissociation produces H⁺ and HCO₃⁻, and the second dissociation produces
additional H⁺, the total H⁺ concentration is \(x + y\). However, in
equilibrium, the dominant contribution to H⁺ is from both dissociation steps,
so the total H⁺ is \(x + y\).
- [HCO₃⁻]: \(x\)
- [CO₃²⁻]: \(y\)

In practice, because the initial acid is weak and the dissociation is
minimal, the dominant H⁺ concentration will primarily come from the first
dissociation.

---

Step 2: Applying Equilibrium Constants

From the dissociation steps:

1. First dissociation:

\[
K_{a1} = \frac{[H^+][HCO_3^-]}{[H_2CO_3]} = \frac{x \times x}{0.025 - x}
\approx \frac{x^2}{0.025 - x}
\]

2. Second dissociation:

\[
K_{a2} = \frac{[H^+][CO_3^{2-}]}{[HCO_3^-]} = \frac{y \times y}{x} =
\frac{y^2}{x}
\]

---



Step 3: Simplifying Assumptions for Calculations

Given the small values of \(K_{a1}\) and \(K_{a2}\), and the initial
concentration, we can make the approximation:

- \(x \ll 0.025\), so \(0.025 - x \approx 0.025\)

This simplifies the first equilibrium to:

\[
x^2 \approx K_{a1} \times 0.025
\]

Calculating:

\[
x^2 = 4.3 \times 10^{-7} \times 0.025 = 1.075 \times 10^{-8}
\]

\[
x = \sqrt{1.075 \times 10^{-8}} \approx 1.037 \times 10^{-4} \, \text{M}
\]

This is the approximate concentration of free H⁺ ions, and also the
concentration of HCO₃⁻ formed from the first dissociation.

---

Step 4: Calculating Bicarbonate and Carbonate Concentrations

Using the second equilibrium:

\[
y^2 = K_{a2} \times x = 5.7 \times 10^{-11} \times 1.037 \times 10^{-4} =
5.911 \times 10^{-15}
\]

\[
y = \sqrt{5.911 \times 10^{-15}} \approx 7.68 \times 10^{-8} \, \text{M}
\]

This is a negligible amount of CO₃²⁻ compared to HCO₃⁻.

---

Summary of Calculated Species Concentrations

| Species | Concentration (M) | Approximate Value |
|---|---|---|
| [H⁺] | | 1.04 × 10⁻⁴ |
| [HCO₃⁻] | | 1.04 × 10⁻⁴ |
| [CO₃²⁻] | | 7.68 × 10⁻⁸ |

The pH of the solution can be estimated from the H⁺ concentration:

\[
pH = -\log [H^+] \approx -\log (1.04 \times 10^{-4}) \approx 3.98
\]



---

Deep Dive: Factors Influencing Species Distribution

The relatively low pH indicates that most of the carbonate species exist as
undissociated carbonic acid and bicarbonate ions, with a negligible amount of
carbonate ions. This distribution is typical in dilute solutions and
underscores the importance of pKa values in predicting species prevalence.

Factors Affecting Equilibrium:

- Concentration of initial acid: Higher initial concentrations shift
equilibria, increasing dissociation.
- Temperature: Alters dissociation constants; higher temperatures typically
favor dissociation.
- Ionic strength and activity coefficients: Affect ion activity, especially
in concentrated solutions.

---

Practical Applications and Implications

Understanding the dissociation equilibria of carbonic acid in dilute
solutions is vital in:

- Environmental systems: Ocean acidification, carbonate buffering in lakes,
and soil chemistry.
- Physiological systems: Blood pH regulation via bicarbonate buffering.
- Industrial processes: Carbon capture and sequestration, water treatment.

The calculations demonstrate that at low concentrations, carbonate species
are predominantly in their protonated forms, influencing pH and buffering
capacity.

---

Limitations and Further Considerations

While the simplified calculations provide useful estimates, real systems may
require more detailed modeling considering:

- Activity coefficients: Especially in higher ionic strength solutions.
- Temperature dependence: Dissociation constants vary with temperature.
- Additional equilibria: Such as water auto-ionization and interactions with
other ions.

Advanced models may involve numerical methods or software (e.g., PHREEQC) to
accurately simulate complex carbonate systems.

---

Conclusion

Calculating the concentrations of H⁺, HCO₃⁻, and CO₃²⁻ in a dilute H₂CO₃
solution involves understanding the dissociation equilibria and applying the
relevant equilibrium constants. For a 0.025 M H₂CO₃ solution at 25°C, the
dominant species are bicarbonate ions and free protons, with a pH
approximately 3.98. The carbonate ion concentration is negligible under these
conditions.



This exercise underscores the importance of equilibrium chemistry in
interpreting natural and engineered systems involving carbonate equilibria,
providing a foundation for further exploration into buffer systems,
environmental chemistry, and biological processes.

---
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