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Determining the pH of a solution containing both sodium fluoride (NaF) and hydrofluoric acid (HF)
involves understanding the interactions between a weak acid and its conjugate base. Such a mixture
is a classic example of a buffer system, where the weak acid and its conjugate base work together to
stabilize the pH. To accurately find the pH, we need to analyze the concentrations, dissociation
constants, and the equilibrium processes involved. This comprehensive guide explains the chemistry
behind the calculation, the relevant equations, and the step-by-step approach to determine the pH of
this specific solution.

Understanding the Components of the Solution

Before diving into calculations, it's essential to understand the individual components and their roles:

Hydrofluoric Acid (HF)
- HF is a weak acid with a known acid dissociation constant (Ka).
- It partially dissociates in water:
HF ⇌ H⁺ + F⁻
- The equilibrium constant Ka for HF is approximately 6.6 × 10⁻⁴ at 25°C.

Sodium Fluoride (NaF)
- NaF is a salt resulting from the neutralization of HF by NaOH.
- It provides fluoride ions (F⁻), which can react with protons (H⁺) in the solution.
- As the conjugate base of HF, F⁻ can participate in hydrolysis, affecting the pH.

Key Concepts and Equilibrium Principles

Understanding the pH of this mixture requires familiarity with several equilibrium concepts:

1. Acid Dissociation Constant (Ka)
- Defines the strength of the weak acid, HF, in solution.
- Smaller Ka indicates a weaker acid; larger Ka indicates a stronger acid.



2. Base Hydrolysis of Fluoride Ions (F⁻)
- F⁻ can react with water:
F⁻ + H₂O ⇌ HF + OH⁻
- This reaction influences the pH by generating hydroxide ions, making the solution slightly basic.

3. Buffer System
- The mixture of HF and F⁻ forms a buffer, resisting changes in pH.
- The Henderson-Hasselbalch equation can be used to estimate the pH when both acid and conjugate
base are present.

Calculating the pH Step-by-Step

The calculation involves two main phases:
1. Understanding the initial concentrations of HF and F⁻.
2. Applying equilibrium principles to find the pH, considering both dissociation and hydrolysis.

Step 1: Identify Initial Concentrations
- Hydrofluoric acid (HF): 0.57 M
- Sodium fluoride (NaF): 0.21 M (provides F⁻ ions directly)

Since NaF is a salt of HF, the initial fluoride ion concentration in the solution is 0.21 M. The HF is
present at 0.57 M.

Step 2: Recognize the Buffer System
Given the presence of HF (weak acid) and F⁻ (conjugate base), the solution can be modeled as a
buffer.
- The pH of such a buffer can be approximated using the Henderson-Hasselbalch equation:

\[ \text{pH} = pK_a + \log \left( \frac{[\text{A}^-]}{[\text{HA}]} \right) \]

Where:
- \( pK_a = -\log K_a \)
- \( [\text{A}^-] \) = concentration of conjugate base (F⁻)
- \( [\text{HA}] \) = concentration of weak acid (HF)

Step 3: Calculate \( pK_a \) of HF
Given \( K_a = 6.6 \times 10^{-4} \),
\[ pK_a = -\log(6.6 \times 10^{-4}) \approx 3.18 \]



Step 4: Apply the Henderson-Hasselbalch Equation
Using the initial concentrations:
- \( [\text{A}^-] = 0.21\, M \)
- \( [\text{HA}] = 0.57\, M \)

Plug into the equation:
\[ \text{pH} = 3.18 + \log \left( \frac{0.21}{0.57} \right) \]

Calculate the ratio:
\[ \frac{0.21}{0.57} \approx 0.368 \]

Calculate the logarithm:
\[ \log(0.368) \approx -0.434 \]

Finally, compute the pH:
\[ \text{pH} = 3.18 - 0.434 = 2.746 \]

Estimated pH ≈ 2.75

This is a good approximation, but to refine the calculation, especially considering the partial
dissociation of HF, further steps involve solving equilibrium expressions.

Refining the pH Calculation with Equilibrium Analysis

While the Henderson-Hasselbalch equation provides a reasonable estimate, a more precise
calculation considers the equilibrium dissociation of HF, including the initial concentrations and the
extent of dissociation.

Step 1: Write the Equilibrium Expression for HF
\[ \text{HF} \rightleftharpoons \text{H}^+ + \text{F}^- \]

Let \( x \) be the amount of HF that dissociates at equilibrium.

Initial concentrations:
- \( [\text{HF}]_0 = 0.57\, M \)
- \( [\text{F}^-]_{initial} = 0.21\, M \) (from NaF)
- \( [\text{H}^+] = 0 \)

At equilibrium:
- \( [\text{HF}] = 0.57 - x \)
- \( [\text{F}^-] = 0.21 + x \)
- \( [\text{H}^+] = x \)

Apply the Ka expression:
\[ K_a = \frac{[\text{H}^+][\text{F}^-]}{[\text{HF}]} = \frac{x (0.21 + x)}{0.57 - x} \]



Given that \( K_a \) is small, \( x \) is expected to be small relative to initial concentrations, so
approximate \( 0.57 - x \approx 0.57 \) and \( 0.21 + x \approx 0.21 \).

Thus,
\[ 6.6 \times 10^{-4} \approx \frac{x \times 0.21}{0.57} \]

Solve for \( x \):
\[ x \approx \frac{6.6 \times 10^{-4} \times 0.57}{0.21} \]

Calculate numerator:
\[ 6.6 \times 10^{-4} \times 0.57 \approx 3.762 \times 10^{-4} \]

Divide:
\[ x \approx \frac{3.762 \times 10^{-4}}{0.21} \approx 1.79 \times 10^{-3} \]

This is the concentration of \( \text{H}^+ \), so the pH is:
\[ \text{pH} = -\log(1.79 \times 10^{-3}) \approx 2.75 \]

This matches the earlier estimate, confirming that the pH is approximately 2.75.

Influence of Hydrofluoric Acid Concentration and Buffer
Capacity

The solution's pH is primarily dictated by the weak acid HF and its conjugate base F⁻. The presence of
0.21 M F⁻ from NaF provides a buffering capacity that resists pH changes. The relatively high
concentration of HF (0.57 M) keeps the solution acidic, but the fluoride ions counteract some of this
acidity through hydrolysis.

Key points:

- The solution is mildly acidic, with pH around 2.75.
- The buffer capacity depends on the ratio of F⁻ to HF; a higher F⁻ concentration would increase the
pH.
- The dissociation of HF is limited, so the pH remains below 3.

Practical Implications and Safety Considerations

Understanding the pH of fluoride-containing solutions is critical in many applications:

- Industrial processes: Fluoride solutions are used in etching, cleaning, and manufacturing.
- Health and safety: Hydrofluoric acid is highly toxic and corrosive; proper handling and understanding
of pH are essential for safety.
- Environmental considerations: Fluoride concentrations and pH influence environmental impact
assessments.

Safety tip: Always use proper protective equipment when handling hydrofluoric acid or fluoride salts,



as

Frequently Asked Questions

How do you determine the pH of a solution containing both
sodium fluoride and hydrofluoric acid?
To determine the pH, consider the dissociation of hydrofluoric acid and the hydrolysis of the fluoride
ion from sodium fluoride. Use the acid dissociation constant (Ka) for HF and the concentration of
fluoride ions from NaF to perform an equilibrium calculation for the pH.

What is the role of hydrofluoric acid and sodium fluoride in
affecting the solution's pH?
Hydrofluoric acid is a weak acid that lowers the pH, while sodium fluoride provides fluoride ions that
can act as a weak base through hydrolysis, which can increase the pH. The overall pH depends on the
balance between these two components.

How does the concentration of hydrofluoric acid (0.57 M)
influence the solution's acidity compared to the 0.21 M
sodium fluoride?
The higher concentration of hydrofluoric acid contributes significantly to the acidity of the solution,
making it more acidic. The fluoride ions from NaF can partially neutralize some of the acid, but the
dominant effect depends on their relative concentrations and the acid's strength.

What is the approximate pH of a solution with 0.57 M
hydrofluoric acid and 0.21 M sodium fluoride?
The pH can be estimated by calculating the dissociation of HF and the hydrolysis of fluoride ions.
Typically, such a solution would have a pH around 3 to 4, leaning toward acidic, but precise
calculation requires using Ka of HF and solving equilibrium equations.

Why is understanding the pH of a mixture of HF and NaF
important in practical applications?
Knowing the pH is crucial in applications like buffer solutions, industrial processing, and safety
protocols, as it influences chemical reactivity, stability, and handling procedures involving fluoride
compounds.

How can you experimentally determine the pH of this fluoride
and hydrofluoric acid solution?
You can measure the pH directly using a calibrated pH meter. Alternatively, you can perform titration



or use mathematical calculations based on known Ka of HF and the concentrations of the components
to estimate the pH.

Additional Resources
Understanding the pH of a Solution Containing 0.21 M Sodium Fluoride and 0.57 M Hydrofluoric Acid

Determining the pH of a solution that contains both sodium fluoride (NaF) and hydrofluoric acid (HF)
involves understanding the complex interplay between a weak acid and its conjugate base within an
aqueous environment. This scenario is a classic example of a buffer system, where the weak acid and
its salt coexist and influence the overall pH. In this detailed review, we will explore the fundamental
principles needed to accurately assess the pH of such a solution, covering all relevant chemical
equilibria, calculations, and contextual understanding.

---

Introduction to the Components of the Solution

Before delving into calculations, it's essential to understand the individual species involved and their
chemical properties.

Hydrofluoric Acid (HF)
- Nature: Weak acid, with a notable tendency to ionize in water.
- Chemical Equation: HF ⇌ H⁺ + F⁻
- Acid Strength: Has a relatively high acid dissociation constant (Ka ≈ 6.6 × 10⁻⁴ at 25°C), meaning it
does not fully dissociate but significantly contributes to H⁺ ions in solution.
- Implication: The pH of a solution with HF depends heavily on its concentration and the extent of its
dissociation.

Sodium Fluoride (NaF)
- Nature: Salt formed from the conjugate base (F⁻) of HF.
- Dissociation: NaF dissociates completely in water:

NaF → Na⁺ + F⁻

- Role in Buffer: The fluoride ion (F⁻) acts as a weak base, capable of accepting protons from water or
from residual HF, thereby influencing the pH.

---



Basic Concepts for pH Calculation

To accurately calculate the pH of this mixture, understanding key principles is vital.

Buffer Systems and Henderson-Hasselbalch Equation
- Buffer Composition: When a weak acid and its conjugate base are both present, they form a buffer
system capable of resisting pH changes.
- Henderson-Hasselbalch Equation:
\[
pH = pK_a + \log \left( \frac{[\text{A}^-]}{[\text{HA}]} \right)
\]

where:
- \( [\text{A}^-] \) = concentration of conjugate base (F⁻)
- \( [\text{HA}] \) = concentration of weak acid (HF)
- \( pK_a \) = negative log of the acid dissociation constant

- Application: If the concentrations of HF and F⁻ are known, this equation provides a straightforward
way to estimate pH.

Equilibrium Considerations
- Ionization of HF: The degree of dissociation affects the concentrations of H⁺ and F⁻.
- Autoionization of Water: Also contributes to the hydrogen ion concentration but is typically
overshadowed by the buffering effect of HF/F⁻ system at these concentrations.

Important Assumptions in Calculations
- The solution is dilute enough to neglect activity coefficients.
- Temperature is 25°C unless specified otherwise.
- The initial concentrations are accurate, and volume changes upon dissolution are negligible.
- The system reaches equilibrium promptly.

---

Step-by-Step Approach to Calculating pH

Calculating the pH of this mixture involves multiple steps, including understanding the dissociation of
HF, the effect of F⁻ acting as a base, and the resulting equilibrium.

Step 1: Establish Known Values
- Concentration of HF, \( [\text{HF}] = 0.57\, M \)



- Concentration of F⁻ (from NaF), \( [\text{F}^-] = 0.21\, M \)
- Acid dissociation constant of HF, \( K_a \approx 6.6 \times 10^{-4} \)
- \( pK_a = -\log(K_a) \approx 3.18 \)

Step 2: Recognize the Buffer System
- The mixture contains both HF and F⁻ in significant amounts.
- Because both species are present, the solution resembles a buffer with known concentrations.

Step 3: Use the Henderson-Hasselbalch Equation
- Since the concentrations are known, plugging into the equation:

\[
pH = pK_a + \log \left( \frac{[F^-]}{[HF]} \right)
\]

- Calculating the ratio:

\[
\frac{[F^-]}{[HF]} = \frac{0.21}{0.57} \approx 0.368
\]

- Logarithmic term:

\[
\log(0.368) \approx -0.433
\]

- Therefore:

\[
pH = 3.18 - 0.433 \approx 2.75
\]

This initial approximation suggests a pH of roughly 2.75, indicating an acidic environment
predominantly influenced by the HF.

---

Refining the pH Calculation: Considering Equilibrium
Dynamics

While the Henderson-Hasselbalch equation provides a solid estimate, it assumes that the initial
concentrations of HF and F⁻ remain unchanged during dissociation, which isn't always true. To refine
the pH calculation, we need to account for the actual dissociation of HF and the equilibrium between



species.

Step 4: Set Up the Equilibrium Expression
- Let \( x \) be the amount of HF that dissociates at equilibrium.
- Initial concentrations:
- HF: 0.57 M
- F⁻: 0.21 M
- After dissociation:
- HF: \( 0.57 - x \)
- F⁻: \( 0.21 + x \)
- H⁺: \( x \)

- The equilibrium expression:

\[
K_a = \frac{[H^+][F^-]}{[HF]} = \frac{x (0.21 + x)}{0.57 - x}
\]

- Given \( K_a \approx 6.6 \times 10^{-4} \), and assuming \( x \) is small relative to initial
concentrations, the equation simplifies.

Step 5: Approximate \( x \) and Calculate pH
- Assuming \( x \ll 0.57 \) and \( x \ll 0.21 \), then:

\[
K_a \approx \frac{x \times 0.21}{0.57}
\]

\[
x \approx \frac{K_a \times 0.57}{0.21} = \frac{6.6 \times 10^{-4} \times 0.57}{0.21} \approx 1.79
\times 10^{-3} \text{ M}
\]

- This value of \( x \) is the concentration of H⁺, so:

\[
pH = - \log [H^+] = - \log (1.79 \times 10^{-3}) \approx 2.75
\]

This confirms the earlier estimation, validating that the pH is approximately 2.75, primarily influenced
by the partial dissociation of HF and the buffering capacity of F⁻.

---



Additional Factors Influencing pH

While the above calculations provide a good estimate, real-world conditions can influence the actual
pH.

Temperature Effects
- Both \( K_a \) and \( pK_a \) are temperature-dependent.
- Higher temperatures generally increase ionization, lowering pH.

Ionic Strength
- Increased ionic strength can affect activity coefficients, slightly altering pH.

Presence of Other Species
- Impurities or additional ions can shift equilibria.
- For pure calculations, these are often neglected but are important in experimental contexts.

Dilution or Volume Changes
- Adding water or other solvents can dilute the solution, affecting concentrations and pH.

---

Summary and Final Remarks

The pH of a solution containing 0.21 M sodium fluoride and 0.57 M hydrofluoric acid can be accurately
estimated using buffer principles and equilibrium calculations. Based on the data and assumptions,
the pH is approximately 2.75, indicating a strongly acidic environment predominantly dictated by the
weak acid HF, with the conjugate base F⁻ providing some buffering capacity.

This scenario highlights the importance of understanding weak acid-base equilibria, the role of
conjugate pairs in pH determination, and how initial concentrations influence the overall acidity of a
solution. It also demonstrates the utility of the Henderson-Hasselbalch equation as a rapid estimation
tool, complemented by more detailed equilibrium calculations for confirmation.

---

Implications and Practical Applications

Understanding the pH of such solutions is critical in various contexts
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