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Understanding how to determine the concentrations of all species present in
an aqueous solution of phosphoric acid (H₃PO₄) is fundamental in chemistry,
especially in acid-base chemistry, solution chemistry, and titration
analysis. This article provides a comprehensive guide to calculating the
concentrations of all phosphoric acid species in a 0.100 M H₃PO₄ solution,
including a detailed explanation of the relevant equilibria, step-by-step
calculation procedures, and practical considerations.

Introduction to Phosphoric Acid and Its
Dissociation

Phosphoric acid (H₃PO₄) is a triprotic acid, meaning it can donate three
protons (H⁺) sequentially. Its dissociation in water occurs through three
distinct steps, each characterized by its own acid dissociation constant
(Ka):

Stepwise Dissociation Reactions

First dissociation:1.

H₃PO₄ ⇌ H⁺ + H₂PO₄⁻

Second dissociation:2.

H₂PO₄⁻ ⇌ H⁺ + HPO₄²⁻

Third dissociation:3.

HPO₄²⁻ ⇌ H⁺ + PO₄³⁻

Each dissociation step has an associated equilibrium constant:
- Ka₁ ≈ 7.1 × 10⁻³
- Ka₂ ≈ 6.3 × 10⁻⁸
- Ka₃ ≈ 4.5 × 10⁻¹³

Understanding these constants is crucial because they determine the degree of
ionization at a given pH and initial concentration.



Initial Conditions and Assumptions

Before starting calculations, establish the initial conditions:
- Initial concentration of H₃PO₄: 0.100 M
- Volume of solution: arbitrary (since concentrations are molar, volume
cancels out in calculations)
- Temperature: usually 25°C (standard conditions)
- Assumption: the solution is dilute, and activity coefficients are close to
1, allowing us to use equilibrium concentrations directly.

---

Step-by-Step Calculation Approach

Calculating the concentrations involves understanding the equilibria and
solving for the concentrations of all species: H₃PO₄, H₂PO₄⁻, HPO₄²⁻, and
PO₄³⁻, along with free H⁺ ions.

1. Recognize Dominant Species and Approximate the pH

Since H₃PO₄ is a weak acid, it does not dissociate fully. The first
dissociation is significant, but subsequent dissociations are much weaker. To
estimate the pH:

- Approximate the degree of dissociation using Ka₁.
- Use the initial concentration to estimate [H⁺].

2. Calculate [H⁺] and pH

The first dissociation can be approximated assuming that most dissociation
occurs via the first step:

Approximate [H₃PO₄] dissociation:

Let x = concentration of H⁺ produced at equilibrium (from first
dissociation).

Since initially, [H₃PO₄] = 0.100 M, and some dissociates:

- [H₃PO₄] ≈ 0.100 - x
- [H₂PO₄⁻] ≈ x
- [H⁺] ≈ x

Using the Ka₁ expression:



Ka₁ = [H⁺][H₂PO₄⁻] / [H₃PO₄]

Assuming [H₃PO₄] remains close to initial (due to weak dissociation),
approximate:

x ≈ √(Ka₁ × initial H₃PO₄)

Calculations:

x ≈ √(7.1 × 10⁻³ × 0.100) ≈ √(7.1 × 10⁻⁴) ≈ 0.0266 M

pH ≈ -log(0.0266) ≈ 1.58

This is a rough estimate; more precise calculations involve iterative
methods.

3. Calculate Equilibrium Concentrations of Species

Now, determine the concentrations of each species at equilibrium:

- [H₃PO₄] ≈ initial - amount dissociated ≈ 0.100 - x ≈ 0.0734 M
- [H₂PO₄⁻] ≈ x ≈ 0.0266 M

Next, evaluate the second dissociation:

H₂PO₄⁻ ⇌ H⁺ + HPO₄²⁻

Using Ka₂:

Ka₂ ≈ 6.3 × 10⁻⁸

Set:

Let y = concentration of HPO₄²⁻ formed from second dissociation.

Assuming [H₂PO₄⁻] ≈ 0.0266 M, and that the dissociation is minimal due to
small Ka₂:

Ka₂ = [H⁺][HPO₄²⁻] / [H₂PO₄⁻]

Since [H⁺] ≈ 0.0266 M:

[HPO₄²⁻] ≈ (Ka₂ × [H₂PO₄⁻]) / [H⁺] ≈ (6.3 × 10⁻⁸ × 0.0266) / 0.0266 = 6.3 ×
10⁻⁸ M

This indicates that the concentration of HPO₄²⁻ is negligible compared to
earlier species.

Similarly, for the third dissociation:



HPO₄²⁻ ⇌ H⁺ + PO₄³⁻

with Ka₃ ≈ 4.5 × 10⁻¹³, the amount of PO₄³⁻ formed is minuscule.

---

Summary of Species Concentrations in 0.100 M
H₃PO₄ Solution

Based on the calculations:

| Species | Approximate Concentration (M) |
|---------------------|------------------------------|
| H₃PO₄ | ~0.0734 |
| H₂PO₄⁻ | ~0.0266 |
| HPO₄²⁻ | ~6.3 × 10⁻⁸ |
| PO₄³⁻ | ~4.5 × 10⁻¹³ |
| H⁺ (pH) | ~0.0266 M (pH ≈ 1.58) |

Note: The actual concentrations of HPO₄²⁻ and PO₄³⁻ are negligible under
these conditions, and the dominant species are H₃PO₄ and H₂PO₄⁻.

Practical Implications and Applications

Understanding the distribution of species in a phosphoric acid solution is
vital in various applications, including:

- Acid neutralization and titration analysis
- Buffer solution preparation
- Phosphoric acid’s role in fertilizers and food industry
- Biological systems where phosphate ions are essential

Knowing the concentrations of each species allows chemists to predict
reactivity, buffering capacity, and potential interactions with other ions or
molecules.

Factors Affecting Species Concentrations

Several factors influence the equilibrium concentrations:

- Initial concentration of H₃PO₄: Higher concentrations shift equilibria.
- Temperature: Affects dissociation constants.
- Ionic strength: Can influence activity coefficients.
- Presence of other ions: May shift equilibria via common ion effects.



Advanced Calculation Methods

For more precise results, especially in complex systems or higher
concentrations, consider:

- Using ICE tables (Initial, Change, Equilibrium): To set up and solve
equilibrium equations systematically.
- Applying iterative methods: For coupled equilibria.
- Utilizing computational tools: Software like MATLAB, ChemSketch, or
specialized calculators.

Conclusion

Calculating the concentrations of all species in a 0.100 M H₃PO₄ solution
involves understanding the stepwise dissociation equilibria, estimating pH,
and applying equilibrium expressions with the appropriate Ka values. The
dominant species are H₃PO₄ and H₂PO₄⁻, with negligible amounts of di- and
triphosphate ions under typical conditions. Such calculations are
instrumental in understanding the behavior of phosphoric acid in various
chemical processes and applications.

Remember: Always verify assumptions with iterative calculations or
computational tools for higher accuracy in complex or critical scenarios.

Frequently Asked Questions

What is the initial concentration of H₃PO₄ in the
solution?
The initial concentration of H₃PO₄ is 0.100 M, as given in the problem
statement.

What are the acid dissociation constants (Ka) for
phosphoric acid's successive dissociations?
Phosphoric acid has three dissociation steps with Ka₁ ≈ 7.1×10⁻³, Ka₂ ≈
6.3×10⁻⁸, and Ka₃ ≈ 4.5×10⁻¹³.

How do you set up an ICE table to calculate the
concentrations of all species in the solution?
You create separate ICE tables for each dissociation step, tracking initial
concentrations, changes, and equilibrium concentrations for H₃PO₄, H₂PO₄⁻,
HPO₄²⁻, and PO₄³⁻.



How can you determine the dominant phosphate species
at pH 7.0?
At pH 7.0, H₂PO₄⁻ is typically the dominant species because it is near its
pKa value, so its concentration is maximized relative to other species.

What is the approximate concentration of each
phosphate species in a 0.100 M H₃PO₄ solution at pH
7?
Using equilibrium calculations, approximately 0.02 M H₃PO₄, 0.056 M H₂PO₄⁻,
0.022 M HPO₄²⁻, and negligible PO₄³⁻ are present.

How do the pKa values influence the distribution of
phosphate species in solution?
The pKa values determine the pH at which each species predominates; at pH
near pKa₁, H₂PO₄⁻ is dominant, near pKa₂, HPO₄²⁻ dominates, and near pKa₃,
PO₄³⁻ becomes significant.

What simplifying assumptions can be made to
calculate concentrations in this system?
Assumptions include neglecting activity coefficients, assuming small
dissociation extent for the first step, and considering only dominant species
at a given pH for approximate calculations.

Additional Resources
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Understanding the concentrations of all species present in a solution of
phosphoric acid (H₃PO₄) is fundamental in chemistry, especially in acid-base
chemistry and buffer system analyses. When dealing with a 0.100 M H₃PO₄
solution, it’s essential to recognize that phosphoric acid is a triprotic
acid, capable of donating up to three protons (H⁺) in successive ionization
steps. Calculating the concentrations of all species—H₃PO₄, H₂PO₄⁻, HPO₄²⁻,
and PO₄³⁻—requires a clear understanding of the acid dissociation constants
(Ka's) and the application of equilibrium principles. This comprehensive
review will guide you through the process of calculating these
concentrations, exploring the relevant chemistry, the step-by-step
methodology, and practical considerations.

---



Understanding Phosphoric Acid and Its
Dissociation

Phosphoric acid (H₃PO₄) is a triprotic acid, meaning it can lose three
protons in aqueous solution. The dissociation occurs in three steps:

1. First dissociation:

H₃PO₄ ⇌ H⁺ + H₂PO₄⁻
with equilibrium constant Ka₁

2. Second dissociation:

H₂PO₄⁻ ⇌ H⁺ + HPO₄²⁻
with equilibrium constant Ka₂

3. Third dissociation:

HPO₄²⁻ ⇌ H⁺ + PO₄³⁻
with equilibrium constant Ka₃

The dissociation constants (at 25°C) are approximately:

- Ka₁ ≈ 7.1 × 10⁻³
- Ka₂ ≈ 6.3 × 10⁻⁸
- Ka₃ ≈ 4.5 × 10⁻¹³

These values indicate that the first dissociation is strong relative to the
subsequent ones, which are considerably weaker.

---

Step-by-Step Calculation of Species
Concentrations

Calculating the concentrations involves applying the principles of
equilibrium chemistry, including setting up equilibrium expressions, using
the initial concentrations, and solving iteratively or via approximation
methods.

Step 1: Initial Conditions

- Initial concentration of H₃PO₄: 0.100 M
- Initial concentrations of other species: 0 M



Since the acid is weak relative to water, the initial concentration of H₃PO₄
is known, and the initial concentrations of the dissociation products are
zero.

Step 2: First Dissociation Equilibrium

Given the large Ka₁, most of the H₃PO₄ will dissociate initially. Let’s
denote:

- x₁ = concentration of H⁺ and H₂PO₄⁻ formed from the first dissociation
- [H₃PO₄] at equilibrium: 0.100 - x₁

The equilibrium expression:

Ka₁ = [H⁺][H₂PO₄⁻] / [H₃PO₄]

Assuming complete initial dissociation, but since it is a weak acid, we need
to solve for x₁:

Ka₁ = x₁² / (0.100 - x₁)

Because Ka₁ is relatively large, a good approximation is that x₁ ≈ 0.100 M,
but for accuracy, especially in detailed calculations, solving the quadratic
equation is preferred.

Quadratic form:

x₁² + Ka₁ x₁ - Ka₁ × 0.100 = 0

Plugging in the values:

x₁² + (7.1 × 10⁻³) x₁ - (7.1 × 10⁻³)(0.100) = 0

x₁² + 7.1 × 10⁻³ x₁ - 7.1 × 10⁻⁴ = 0

Solving this quadratic yields:

x₁ ≈ 0.027 M

Therefore, at equilibrium:

- [H₃PO₄] ≈ 0.100 - 0.027 = 0.073 M
- [H₂PO₄⁻] ≈ 0.027 M
- [H⁺] from first dissociation ≈ 0.027 M

Step 3: Second Dissociation Equilibrium



Now, H₂PO₄⁻ is present at approximately 0.027 M, and it can further
dissociate:

H₂PO₄⁻ ⇌ H⁺ + HPO₄²⁻

Let x₂ be the amount that dissociates:

- [H₂PO₄⁻] at equilibrium: 0.027 - x₂
- [HPO₄²⁻]: x₂
- [H⁺] increases by x₂

The equilibrium expression:

Ka₂ = [H⁺][HPO₄²⁻] / [H₂PO₄⁻]

Assuming the contribution of additional H⁺ is small relative to the initial
0.027 M (which is valid due to the small Ka₂), we can approximate:

Ka₂ = x₂ × x₂ / (0.027 - x₂)

Given Ka₂ ≈ 6.3 × 10⁻⁸, solving:

x₂² + Ka₂ x₂ - Ka₂ × 0.027 = 0

x₂² + (6.3 × 10⁻⁸) x₂ - (6.3 × 10⁻⁸)(0.027) = 0

x₂² + 6.3 × 10⁻⁸ x₂ - 1.7 × 10⁻⁹ = 0

Solving yields:

x₂ ≈ 0.005 M

Thus:

- [H₂PO₄⁻] ≈ 0.022 M
- [HPO₄²⁻] ≈ 0.005 M
- Total [H⁺] from second dissociation: approximately 0.005 M

Total [H⁺] in solution:

- From first dissociation: 0.027 M
- From second dissociation: 0.005 M
- Total ≈ 0.032 M

Step 4: Third Dissociation Equilibrium

The concentration of HPO₄²⁻ is about 0.005 M, and it can dissociate:

HPO₄²⁻ ⇌ H⁺ + PO₄³⁻



Let x₃ be the dissociation:

- [HPO₄²⁻] at equilibrium: 0.005 - x₃
- [PO₄³⁻]: x₃
- [H⁺] increases by x₃

The equilibrium expression:

Ka₃ = [H⁺][PO₄³⁻] / [HPO₄²⁻]

Given Ka₃ ≈ 4.5 × 10⁻¹³, very small, we can assume:

x₃ ≈ negligible compared to 0.005 M

Calculating:

x₃² + Ka₃ x₃ - Ka₃ × 0.005 ≈ 0

x₃ ≈ √(Ka₃ × 0.005) ≈ √(4.5 × 10⁻¹³ × 0.005) ≈ √(2.25 × 10⁻¹⁵) ≈ 1.5 × 10⁻⁸ M

This is negligible, so:

- [PO₄³⁻] ≈ 1.5 × 10⁻⁸ M

The dominant species in solution are thus:

- H₃PO₄: about 0.073 M
- H₂PO₄⁻: about 0.022 M
- HPO₄²⁻: about 0.005 M
- PO₄³⁻: about 1.5 × 10⁻⁸ M

Total acidity is primarily maintained by the first two species, with
negligible amounts of the fully deprotonated phosphate.

---

Features and Practical Considerations

Understanding these calculations offers insight into the behavior of
triprotic acids and their dissociation in solution. However, several features
and limitations must be considered:

- Approximation Validity:
- For strong acids, assumptions of complete dissociation are valid.
- For weak acids like H₃PO₄, iterative calculations or quadratic solutions
improve accuracy.
- pH Calculation:
- Total [H⁺] can be approximated from the sum of contributions of all
dissociation steps.



- The pH of the solution can then be calculated as pH = -log[H⁺], roughly
1.5–2 for this solution.
- Buffer Systems:
- The mixture of species creates multiple buffer regions, useful in various
applications.
- Limitations:
- Temperature affects Ka values.
- Ionic strength can alter activity coefficients, affecting calculations.
- Real
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