A Solution Containing A Monoprotic Weak
Acid (ha) That Is 4.36 Issociated Was Found
To Have A Ph Of 2.74.

A Solution Containing A Monoprotic Weak Acid (ha) That Is 4.36 Issociated Was Found To
Have A Ph Of 2.74. This statement provides a fascinating insight into the behavior of weak acids in
aqueous solutions, prompting a deeper exploration of acid dissociation, pH calculations, and the
properties of monoprotic weak acids. Understanding these concepts is essential for chemists,
students, and professionals working in fields such as pharmaceuticals, environmental science, and
chemical manufacturing. In this article, we will delve into the nature of monoprotic weak acids,
interpret the given data, and demonstrate how to analyze such solutions accurately.

Understanding Monoprotic Weak Acids

What Is a Monoprotic Weak Acid?

A monoprotic weak acid is an acid that can release only one proton (H* ion) per molecule during
dissociation in water. Examples include acetic acid (CHsCOOH), formic acid (HCOOH), and
hydrofluoric acid (HF). These acids are characterized by their incomplete dissociation in aqueous
solutions, unlike strong acids such as hydrochloric acid (HCI) that dissociate completely.

Key properties of monoprotic weak acids:

- They have a specific acid dissociation constant (Ka) that measures their strength.
- Their pH values are typically above 1 but below 7, depending on concentration.

- The degree of dissociation depends on the concentration and the Ka value.

Acid Dissociation Constant (Ka)

The Ka value quantifies the strength of a weak acid, representing the equilibrium between the
undissociated acid and its ions:

\[ \text{HA} \leftrightarrow \text{H} "+ + \text{A}"-\]

\[ K a = \frac{[\text{H}~+][\text{A} -]} {[\text{HA}1} \]

A higher Ka indicates a stronger weak acid, meaning more dissociation at equilibrium.

Interpreting the Data: pH and Degree of Dissociation

The problem states:
- The solution contains a monoprotic weak acid (ha).



- The acid is 4.36% dissociated.
- The pH of the solution is 2.74.

Let's analyze what this data reveals.

Calculating the Degree of Dissociation
The degree of dissociation, denoted as \(\alpha\), is expressed as a percentage. Given:
\[ \alpha = 4.36\% = 0.0436 \]

This indicates that 4.36% of the initial acid molecules have dissociated into ions.

Relating pH to \([\text{H}"+]\)

pH is related to hydrogen ion concentration:
\[ [\text{H}"~+] = 10"~ {-\text{pH} } \]
\[ [\text{H}"+] = 10~ {-2.74} \approx 1.82 \times 10" {-3} \, \text{M} \]

This is the concentration of H* ions in the solution.

Estimating the Acid Concentration

Assuming the initial concentration of the acid is \( C_0), and the degree of dissociation is \(\alpha\),
then:

\[ [\text{H}"~+] = \alpha C 0]

\[ C 0 =\frac{[\text{H}~+]}{\alpha} = \frac{1.82 \times 10™{-3}}{0.0436} \approx 0.0417\,
\text{M} \]

Thus, the initial concentration of the acid is approximately 0.0417 M.

Determining the Acid Dissociation Constant (Ka)

Knowing the degree of dissociation and initial concentration allows us to estimate \(K a\).

Using the Dissociation Equation

For the dissociation:

\[ \text{ HA} \leftrightarrow \text{H} ~+ + \text{A}"~-\]
- Initial concentration: \( C 0)

- Dissociated: \( \alpha C 0)

- Remaining undissociated: \( (1 - \alpha) C 0)

At equilibrium:



\[ [\text{H}"+] = \alpha C 0]
\[ [\text{A}"-] = \alpha C 0]
\[ [\text{HA}] = (1 - \alpha) C 0]

Therefore:
\[ K a = \frac{[\text{H} ~+][\text{A} ~-1}{[\text{HA}]} = \frac{(\alpha C 0)"~2}{(1 - \alpha) C 0} =
\frac{\alpha”~2 C 0}{1 - \alpha} \]

Plugging in the numbers:

\[ K a = \frac{(0.0436)"2 \times 0.0417}{1 - 0.0436} \]
\[ K a\approx \frac{0.0019 \times 0.0417}{0.9564} \]
\[ K a\approx \frac{7.923 \times 10~ {-5}}{0.9564} \]
\[ K a \approx 8.28 \times 10"~ {-5} \]

This value indicates a weak acid, consistent with the initial description.

Implications of the Data and Practical Applications

Understanding the relationship between dissociation, pH, and concentration has broad practical
applications.

Buffer Solutions and pH Control

Weak acids and their conjugate bases form buffer systems that resist pH changes. By knowing the
\(K a\) and initial concentration, chemists can tailor buffer solutions for specific pH ranges in
pharmaceuticals, laboratories, and industrial processes.

Calculating pKa for Better Insight

The pKa value provides a more intuitive understanding of acid strength:
\[ pK a =-\log K a\]

\[ pK a = -\log (8.28 \times 10" {-5}) \approx 4.08 \]

Since the pH of the solution (2.74) is significantly lower than pKa (4.08), it suggests the solution is
acidic enough to suppress the dissociation of the weak acid, which aligns with the low degree of
dissociation.

Relevance to Acid-Base Titrations

Accurate knowledge of \(K a\) and initial concentration allows for precise titrations, essential in
determining unknown concentrations of acids or bases in analytical chemistry.



Summary and Conclusions

- A solution containing a monoprotic weak acid (ha) with 4.36% dissociation and a pH of 2.74
indicates a modest concentration of free hydrogen ions.

- The estimated initial concentration of the acid is approximately 0.0417 M.

- The acid dissociation constant \(K a\) is approximately \(8.28 \times 10" {-5}\), confirming its weak
acid nature.

- The pKa of the acid is around 4.08, providing insight into its buffering capacity and behavior in
different pH environments.

In practical terms:

- Chemists can utilize these calculations to prepare buffer solutions.

- Understanding weak acid dissociation aids in designing pharmaceuticals and chemical processes.
- Precise pH measurement and calculations are vital in environmental monitoring and industrial
applications.

Additional Considerations and Advanced Topics

1. Effect of Concentration on Dissociation:
As the concentration of weak acids increases, the degree of dissociation typically decreases due to
Le Chatelier's principle. Conversely, dilute solutions favor dissociation.

2. Temperature Dependence:
The dissociation constant \(K a\) is temperature-dependent. An increase in temperature can either
increase or decrease \(K a\), affecting acidity.

3. Polyprotic Acids:
While this article focuses on monoprotic acids, polyprotic acids (like sulfuric acid) have multiple
dissociation steps, each with its own \(K a\), complicating pH calculations.

4. Real-world Measurement Challenges:
Accurate pH measurement requires calibrated instruments, as small errors can significantly impact
calculations of \(K a\) and other parameters.

Final Remarks

Understanding the dissociation behavior of weak acids, as exemplified by the given data, is
fundamental in chemistry. It enables precise control of pH in various processes, informs analytical
techniques, and enhances the design of chemical products. Mastery of these concepts provides a
solid foundation for further exploration into acid-base chemistry and its myriad applications across
science and industry.



Frequently Asked Questions

What is the initial concentration of the monoprotic weak acid
(ha) before dissociation?

The initial concentration can be calculated using the pH and the degree of dissociation. First,
determine the concentration of H* ions from the pH: [H*] = 10”(-pH) = 107(-2.74) = 1.82 x 10-3 M.
Since the acid is 4.36% dissociated, the initial concentration [HAJo is approximately [H*]/0.0436 =
(1.82 x 10-3) /0.0436 = 0.0417 M.

How is the degree of dissociation (a) calculated for this weak
acid?

The degree of dissociation a is given as the fraction of the initial acid molecules that dissociate.
Given the percentage dissociation is 4.36%, o = 0.0436.

What is the value of the acid dissociation constant (Ka) for the
weak acid?

Using the relation Ka = [H*]? / ((HA]o - [H*]), and substituting [H*] = 1.82 x 10-3 M and [HA]o =
0.0417 M, we get Ka = (1.82 x 1073)2/(0.0417 - 1.82 x 1073) = 3.13 x 10-5.

Why does the pH of this solution indicate a weak acid rather
than a strong acid?

The pH of 2.74 corresponds to a relatively low concentration of H* ions, but not as low as a strong
acid would produce at similar concentrations. The fact that only about 4.36% of the acid dissociates
confirms it's a weak acid, which does not fully ionize in solution.

How does the degree of dissociation affect the pH of the
solution?

The degree of dissociation determines how much of the weak acid dissociates into H* and A~ ions. A
higher a results in more H* ions and a lower pH. In this case, a 4.36% dissociation leads to a pH of
2.74, reflecting a moderate level of ionization typical for weak acids.

If the dissociation of the acid increases, how would that affect
the pH?

An increase in dissociation (higher a) would produce more H* ions, leading to a lower pH value
(more acidic solution). Conversely, decreased dissociation results in fewer H* ions and a higher pH.



Additional Resources

A Solution Containing a Monoprotic Weak Acid (HA) That Is 4.36% Dissociated Was Found To Have
a pH of 2.74

Introduction

The study of weak acids in aqueous solutions continues to be a cornerstone in analytical chemistry,
environmental science, and industrial processes. Weak acids, characterized by their partial
ionization in water, present intriguing behaviors that differ markedly from strong acids. Among
these, monoprotic weak acids—those that donate a single proton per molecule—are especially
significant due to their simplicity and prevalence.

This article delves into an investigative analysis of a solution containing a monoprotic weak acid
(denoted as HA), which is 4.36% dissociated and exhibits a measured pH of 2.74. The goal is to

understand this apparent discrepancy, explore the underlying chemistry, and discuss the
implications of such findings within the broader context of acid-base equilibria.

Background and Fundamental Concepts

Weak Acid Dissociation and Ionization

A weak acid (HA) dissociates in water according to the equilibrium:

\[ \mathrm{HA} \rightleftharpoons \mathrm{H} "~ + + \mathrm{A} ~-\]

The degree of dissociation (a) indicates the fraction of acid molecules that dissociate, and it varies
based on the acid's strength, concentration, and solution conditions.

The acid dissociation constant (Ka) quantifies the extent of dissociation:
\[ K a = \frac{[\mathrm{H} " +][\mathrm{A} ~-1} {[\mathrm{HA}]} \]

For monoprotic weak acids, understanding the relationship between Ka, the degree of dissociation,
and pH is essential.

Percent Dissociation

Expressed as a percentage, percent dissociation indicates the proportion of initial acid molecules
that have dissociated:

\[ \% \text{ dissociation} = \frac{[\mathrm{A} -]} {\text{initial concentration of HA}} \times 100 \]

Given that the solution is 4.36% dissociated, it suggests a relatively weak acid or a dilute solution.



The Core Investigation: Discrepancy Between Dissociation and pH
The Observed Data

- Percent dissociation: 4.36%
- pH of solution: 2.74

At face value, a pH of 2.74 corresponds to an H* concentration:

\[ \mathrm{H}"~+] = 10” {-\mathrm{pH}} = 10" {-2.74} \approx 1.82 \times 10"~ {-3} \,
\mathrm{M} \]

This indicates a relatively high concentration of H* ions, which suggests a stronger acid than the
4.36% dissociation might imply.

The Apparent Paradox

The core paradox here is that a solution with only 4.36% dissociation of HA seems to produce a high
concentration of H* ions, enough to give a pH of 2.74. This raises questions:

- Is the initial concentration of HA high?
- Could there be other sources of acidity?

- Is the degree of dissociation accurately measured or estimated?
- How does the percent dissociation relate to the actual H* concentration?

Analytical Approach: Reconciling the Data

Step 1: Estimating the Initial Concentration of HA

Assuming the percent dissociation is based on an initial concentration \( C 0 \):
\[ \text{Dissociated amount} = \alpha C 0]

Given:

\[ \alpha = 0.0436 \]
\[ [\mathrm{H}"~+] = \alpha C 0]

From the pH:

\[ 1.82 \times 10" {-3} \, \mathrm{M} = 0.0436 \times C 0]

Thus:

\[ C 0 = \frac{1.82 \times 10" {-3}}{0.0436} \approx 0.0417 \, \mathrm{M} \]
This suggests that the initial concentration of HA is approximately 0.042 M.

Step 2: Calculating the Expected pH from the Dissociation Data



If the initial concentration is 0.042 M and the degree of dissociation is 4.36%, then:

- The concentration of H* ions: 0.0436 x 0.042 M = 1.82 x 103 M
- The concentration of undissociated HA: \( C 0 - [\mathrm{A}~-]\) = 0.042 - 0.00182 = 0.0402 M

The dissociation constant:
\[ K a = \frac{[\mathrm{H} ~+][\mathrm{A} ~-]} {[\mathrm{HA}]} \]
\[ K a = \frac{(1.82 \times 10" {-3})"2}{0.0402} \approx 8.2 \times 10"~ {-5} \]

This value is consistent with weak acids, but the key point is that the pH measurement (2.74) aligns
with the calculated H* concentration, confirming internal consistency.

Deeper Insights: Factors Influencing Dissociation and pH

1. Solution Concentration and lonic Strength

Higher ionic strength in the solution can shift the equilibrium, affecting dissociation. If the solution
contains other ions, activity coefficients will influence the effective Ka, potentially leading to
discrepancies between calculated and measured pH.

2. Measurement Accuracy

- pH measurement can be influenced by calibration, temperature, and electrode condition.

- Dissociation percentage estimation relies on assumptions or indirect methods, which may introduce
errors.

3. Temperature Effects

Temperature influences both Ka and dissociation. An increase in temperature typically increases Ka
for most weak acids, leading to more dissociation.

Broader Implications and Applications

Environmental Chemistry

Understanding the dissociation of weak acids is vital in environmental contexts, such as soil acidity,
acid rain, and groundwater contamination. The pH and degree of dissociation influence nutrient
availability and metal mobility.

Industrial Processes

In manufacturing, precise control of acid strength and dissociation is essential in processes like food
preservation, pharmaceuticals, and chemical synthesis.

Analytical Chemistry



Accurately determining weak acid dissociation constants and pH allows for better calibration of
sensors and more accurate modeling of solution behaviors.

Advanced Considerations: Modeling Weak Acid Behavior

1. Using the Henderson-Hasselbalch Equation

For weak acids:

\[ \mathrm{pH} = \mathrm{p}K a + \log \left( \frac{[\mathrm{A}~-]} {[\mathrm{HA}]} \right) \]

Given the concentrations, the calculation verifies the consistency of the data, provided the
assumptions hold.

2. Activity Coefficients and Real-World Conditions

The ideal model assumes activities equal concentrations, but in reality, activity coefficients (y)
modify effective concentrations:

\[ a i =\gamma i [i] \]

Correcting for these effects enhances the accuracy of dissociation and pH calculations.

Conclusion

The investigation into a solution containing a monoprotic weak acid with 4.36% dissociation and a
pH of 2.74 reveals a coherent picture when analyzed thoroughly. The key takeaways include:

- The initial concentration of the acid is approximately 0.042 M.

- The calculated dissociation constant (Ka) is roughly \(8.2 \times 10" {-5}\), aligning with typical
weak acid values.

- The apparent discrepancy between percent dissociation and pH can be reconciled by
understanding the relationship between initial concentration, degree of dissociation, and H*
concentration.

- External factors such as ionic strength, temperature, and measurement accuracy critically
influence experimental results.

This analysis underscores the importance of comprehensive understanding when interpreting weak
acid equilibria and highlights how seemingly conflicting data points can be harmonized through

detailed quantitative reasoning. Such insights are essential not only academically but also in
practical applications across chemistry and related disciplines.
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Note: The detailed calculations and assumptions provided are based on typical laboratory conditions
and idealized models. Actual experimental results may vary due to factors discussed in this article.
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