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Preface 

The field of pharmaceutical sciences is continuously evolving, driven by advancements in research, 

regulatory frameworks, and healthcare needs. In this dynamic landscape, a strong foundation in 

Pharmaceutical Inorganic and Analytical Chemistry is essential for every pharmacy student, as it 

forms the basis for understanding drug composition, quality control, and analytical techniques. 

This textbook, Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory), has been 

carefully prepared in accordance with the latest guidelines and curriculum prescribed by the Pharmacy 

Council of India under the New B. Pharm Syllabus 2026, aligned with the principles of the National 

Education Policy (NEP 2020). The revised curriculum emphasizes conceptual clarity, skill-based 

learning, and practical applicability, and this book has been structured to reflect these objectives. 

The book is specifically designed for B. Pharm First Semester students, covering all essential topics 

of Pharmaceutical Analysis and Inorganic Chemistry in a comprehensive, systematic, and student-

friendly manner. Each chapter has been developed with a focus on: 

• Clear explanation of fundamental concepts 

• Logical organization of topics for easy understanding 

• Inclusion of reaction mechanisms, equations, and analytical principles 

• Emphasis on pharmaceutical relevance and applications 

• Exam-oriented presentation to support university preparation 

Special care has been taken to present the subject matter in a manner that bridges the gap between 

theoretical knowledge and practical application. Wherever necessary, concepts have been 

explained with suitable examples to enhance understanding and retention. The content also aims to 

support students in developing analytical thinking and problem-solving skills, which are crucial for 

their academic and professional growth. 

This book is not only intended to serve as a textbook for university examinations but also as a 

foundation resource for competitive exams and future studies in pharmaceutical sciences. 

We express our sincere gratitude to all educators, colleagues, and students whose feedback and 

encouragement have contributed to the development of this work. We hope that this book will be a 

valuable companion for students and will inspire them to build a strong understanding of the subject. 

Constructive suggestions and feedback for further improvement will always be welcomed. 
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DEFINITION OF PHARMACEUTICAL ANALYSIS 

Pharmaceutical analysis is a specialized branch of analytical chemistry that deals with the 

identification, determination, quantification, and evaluation of the purity and quality of 

pharmaceutical substances. It involves the application of various chemical, physical, and instrumental 

techniques to ensure that drugs and pharmaceutical products meet established standards of safety, 

efficacy, and quality. 

In simple terms, pharmaceutical analysis focuses on answering key questions such as - What is the 

substance? (Identification), How much of it is present?(Quantification). Is it pure and free from 

impurities? (Purity testing)  

This discipline plays a critical role throughout the lifecycle of a drug, including: Raw material testing, 

In-process quality control, Finished product evaluation, Stability studies, Bioanalysis in biological 

fluids  

Pharmaceutical analysis ensures compliance with official standards set by pharmacopoeias such as the 

Indian Pharmacopoeia (IP), British Pharmacopoeia (BP), and United States Pharmacopeia (USP), 

thereby safeguarding public health. 

Overall, it serves as a fundamental tool in pharmaceutical research, manufacturing, and regulatory 

control to guarantee that medications are safe, effective, and of consistent quality. 

SCOPE OF PHARMACEUTICAL ANALYSIS 

The scope of pharmaceutical analysis is broad and encompasses all activities related to the evaluation 

of drugs and pharmaceutical products at various stages, from development to post-marketing 

surveillance. It ensures that every pharmaceutical substance meets the required standards of identity, 

purity, potency, and safety. 

Pharmaceutical analysis is applied in the following major areas: 

1. Analysis of Raw Materials 

It involves testing active pharmaceutical ingredients (APIs) and excipients to confirm: 

• Identity of the compound  

• Purity and absence of contaminants  

• Compliance with pharmacopoeial standards  

2. In-Process Quality Control 

During manufacturing, analytical methods are used to monitor: 

• Reaction progress  

• Intermediate products  

• Process consistency  
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This helps in maintaining uniformity and preventing batch-to-batch variation. 

3. Analysis of Finished Dosage Forms 

Finished products such as tablets, capsules, syrups, and injections are evaluated for: 

• Drug content (assay)  

• Dissolution rate  

• Uniformity of dosage units  

• Stability and shelf-life  

4. Impurity and Degradation Analysis 

Pharmaceutical analysis detects and quantifies: 

• Related substances  

• Residual solvents  

• Degradation products  

This ensures drug safety and compliance with regulatory limits. 

5. Stability Testing 

Drugs are analyzed under different environmental conditions (temperature, humidity, light) to: 

• Determine shelf life  

• Establish storage conditions  

• Study degradation kinetics  

6. Bioanalytical Studies 

Involves estimation of drugs in biological samples such as: 

• Blood  

• Plasma  

• Urine  

This is essential for pharmacokinetic and bioavailability studies. 

7. Regulatory and Quality Assurance 

Pharmaceutical analysis supports: 

• Compliance with guidelines of pharmacopoeias (IP, BP, USP)  

• Documentation for regulatory approval  

• Validation of analytical methods  
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8. Research and Development 

Analytical techniques are widely used in: 

• Drug discovery  

• Formulation development  

• Process optimization 

OBJECTIVES OF PHARMACEUTICAL ANALYSIS  

The primary objectives of pharmaceutical analysis revolve around ensuring that every drug product 

released for use is safe, effective, and of consistent quality. These objectives guide all analytical 

activities in pharmaceutical research, development, manufacturing, and regulatory control. 

1. Identification of Drugs (Qualitative Analysis) 

One of the fundamental objectives is to confirm the identity of a pharmaceutical substance. This 

ensures that the correct drug is being used or formulated. 

• Involves determining the chemical nature and structure of the compound  

• Uses techniques like spectroscopy, chromatography, and chemical tests  

• Helps prevent substitution, adulteration, or mislabeling  

For example, verifying that a sample labeled as paracetamol is indeed paracetamol and not another 

compound. 

2. Quantification of Drugs (Assay Determination) 

Pharmaceutical analysis aims to accurately determine the amount of active ingredient present in a 

drug formulation. 

• Ensures correct dosage for therapeutic effect  

• Uses titrimetric and instrumental methods (e.g., HPLC, UV spectroscopy)  

• Critical for maintaining dose uniformity  

Incorrect drug concentration may lead to therapeutic failure or toxicity. 

3. Purity Testing and Impurity Profiling 

Another key objective is to assess the purity of pharmaceutical substances. 

• Detects organic, inorganic, and residual impurities  

• Identifies degradation products formed during storage  

• Ensures impurities are within permissible limits  

This is essential because even trace impurities can affect drug safety and efficacy. 
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4. Ensuring Safety of Pharmaceutical Products 

Pharmaceutical analysis plays a vital role in ensuring that drugs are safe for human use. 

• Detection of toxic contaminants  

• Monitoring harmful degradation products  

• Evaluation of microbiological contamination  

Safety evaluation prevents adverse effects and protects patient health. 

5. Ensuring Efficacy (Therapeutic Effectiveness) 

The drug must produce the intended therapeutic effect. 

• Analytical testing ensures correct drug concentration and release profile  

• Supports bioavailability and pharmacokinetic studies  

• Confirms that the formulation delivers the drug effectively  

6. Quality Control and Quality Assurance 

Pharmaceutical analysis ensures that all products meet predefined quality standards. 

• Batch-to-batch consistency  

• Compliance with pharmacopoeial specifications (IP, BP, USP)  

• Monitoring of manufacturing processes  

It forms the backbone of Good Manufacturing Practices (GMP). 

7. Stability Evaluation of Drugs 

Drugs must remain stable throughout their shelf life. 

• Studies the effect of environmental factors like temperature, humidity, and light  

• Determines expiration date and storage conditions  

• Evaluates degradation kinetics  

This ensures that the drug remains safe and effective until its expiry. 

8. Development and Validation of Analytical Methods 

Pharmaceutical analysis involves creating reliable analytical methods. 

• Development of accurate, precise, and reproducible methods  

• Validation parameters include:  

o Accuracy  

o Precision  

o Specificity  

o Linearity  
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o Robustness  

Validated methods ensure consistent and trustworthy results. 

9. Regulatory Compliance and Documentation 

Analytical studies are essential for meeting regulatory requirements. 

• Submission of data to regulatory authorities  

• Compliance with guidelines (ICH, FDA, CDSCO)  

• Documentation for drug approval  

Without proper analysis, a drug cannot be legally marketed. 

10. Support in Research and Development (R&D) 

Pharmaceutical analysis is crucial in drug discovery and formulation. 

• Characterization of new drug molecules  

• Optimization of formulations  

• Monitoring chemical reactions  

It helps in developing innovative and effective drug products. 

IMPORTANCE OF PHARMACEUTICAL ANALYSIS 

Pharmaceutical analysis is a cornerstone of the pharmaceutical sciences, ensuring that drugs are safe, 

effective, and of high quality before reaching patients. Its importance spans across research, 

manufacturing, quality control, and regulatory approval. 

1. Ensures Drug Safety 

One of the most critical roles of pharmaceutical analysis is to ensure that drugs are safe for human 

consumption. 

• Detects toxic impurities, contaminants, and degradation products  

• Identifies harmful substances that may arise during synthesis or storage  

• Prevents adverse drug reactions caused by poor-quality medicines  

2. Guarantees Drug Efficacy 

Pharmaceutical analysis ensures that a drug produces the intended therapeutic effect. 

• Confirms the correct amount of active ingredient  

• Ensures proper drug release and bioavailability  

• Helps avoid under-dosing (ineffective treatment) or overdosing (toxicity)  
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3. Maintains Quality and Purity 

Maintaining high standards of quality is essential in pharmaceuticals. 

• Verifies purity of raw materials and finished products  

• Detects adulteration and contamination  

• Ensures compliance with pharmacopoeial standards (IP, BP, USP)  

4. Supports Quality Control (QC) and Quality Assurance (QA) 

Pharmaceutical analysis forms the backbone of QC and QA systems. 

• Ensures batch-to-batch consistency  

• Monitors manufacturing processes  

• Validates analytical and production methods  

5. Helps in Drug Development and Research 

In research and development, pharmaceutical analysis plays a vital role. 

• Characterization of new drug molecules  

• Optimization of formulations  

• Evaluation of drug-excipient compatibility  

It supports innovation and development of new therapies. 

6. Determines Stability and Shelf Life 

Pharmaceutical analysis helps determine how long a drug remains effective. 

• Conducts stability studies under different conditions  

• Establishes expiration dates  

• Recommends suitable storage conditions  

7. Ensures Regulatory Compliance 

Drugs must meet strict regulatory requirements before approval. 

• Provides scientific data for regulatory submissions  

• Ensures compliance with guidelines (ICH, FDA, CDSCO)  

• Supports licensing and marketing authorization  

8. Prevents Economic Loss and Legal Issues 

Poor-quality drugs can lead to serious consequences. 

• Avoids product recalls  

• Prevents legal liabilities and penalties  
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• Reduces financial loss due to rejected batches  

9. Protects Public Health 

Ultimately, pharmaceutical analysis safeguards society. 

• Ensures availability of safe and effective medicines  

• Builds public confidence in pharmaceutical products  

• Prevents circulation of substandard and counterfeit drugs  

The importance of pharmaceutical analysis lies in its ability to ensure that every drug product is safe, 

effective, pure, and of consistent quality. It acts as a critical link between drug development and 

patient care, making it indispensable in the pharmaceutical industry. 

DIFFERENT TECHNIQUES OF ANALYSIS 

 

1. Instrumental Methods 

1.1 Electroanalytical Techniques 

a. Electrogravimetry 

Electrogravimetry is an electroanalytical technique in which a metal ion is quantitatively deposited 

onto an electrode by electrolysis and then weighed to determine its concentration. The method is 

based on Faraday’s laws of electrolysis, where the mass of the substance deposited is proportional to 

the quantity of electricity passed. A controlled potential or constant current is applied to ensure 

selective deposition of the analyte. It is highly accurate and is commonly used for the determination of 

metals such as copper, silver, and nickel. The technique requires a clean and pre-weighed electrode, 

usually platinum. After electrolysis, the electrode is washed, dried, and weighed again. The increase 

in mass corresponds to the amount of analyte present. It is a precise but time-consuming method. 
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Interference may occur if multiple ions deposit simultaneously. The technique is useful in trace metal 

analysis and industrial applications. It is limited by the need for conductive solutions. Despite this, it 

remains a classical and reliable quantitative technique. 

b. Conductometry 

Conductometry involves the measurement of electrical conductivity of a solution to determine its 

ionic content. The conductivity depends on the number and mobility of ions present in the solution. It 

is widely used in titration methods, especially when no suitable indicator is available. During a 

conductometric titration, the conductivity changes as ions are consumed or formed. For example, in 

acid-base titration, hydrogen ions are replaced by less mobile ions, causing conductivity changes. The 

method is simple, rapid, and does not require color indicators. It is useful for turbid or colored 

solutions. Conductometry is also applied in water quality analysis and purity testing. The conductivity 

meter measures resistance and converts it into conductance. Temperature significantly affects 

conductivity, so compensation is necessary. The technique is less selective but highly sensitive. It is 

widely used in pharmaceutical and environmental analysis. 

c. Coulometry 

Coulometry is based on measuring the quantity of electricity required to completely convert an 

analyte into another form. It follows Faraday’s law, where the amount of substance reacted is directly 

proportional to the charge passed. It can be classified into controlled potential coulometry and 

coulometric titration. In controlled potential coulometry, a constant potential is maintained to ensure 

selective reaction. Coulometric titration involves generating a titrant electrochemically. It is highly 

accurate and does not require standard solutions. This makes it useful for trace analysis. The endpoint 

is determined by current or potential changes. It is commonly used for determination of water content 

(Karl Fischer method), halides, and metals. The technique requires precise instrumentation. It is less 

affected by reagent impurities. However, it is time-consuming and requires careful control of 

experimental conditions. It is widely used in pharmaceutical and analytical chemistry. 

d. Potentiometry 

Potentiometry measures the potential difference between two electrodes without drawing significant 

current. It is widely used for determining the concentration of ions in solution. The most common 

application is pH measurement using a glass electrode. The technique is based on the Nernst equation, 

which relates electrode potential to ion concentration. It is used in acid-base, redox, and precipitation 

titrations. Potentiometric titrations are useful when visual indicators are not suitable. The endpoint is 

determined from a sharp change in potential. Ion-selective electrodes allow selective measurement of 

specific ions such as sodium, potassium, or fluoride. The method is simple, rapid, and non-

destructive. It is widely used in pharmaceutical quality control and clinical analysis. However, it 

requires proper calibration and maintenance of electrodes. Temperature and ionic strength can affect 

results. It is one of the most versatile electroanalytical methods. 

e. Voltammetry 

Voltammetry involves measuring current as a function of applied potential to study electrochemical 

properties of analytes. It is highly sensitive and capable of detecting trace levels of substances. 

Different types include cyclic voltammetry, differential pulse voltammetry, and anodic stripping 
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voltammetry. The technique provides information about redox behavior and kinetics. It is widely used 

for metal ion analysis and organic compound characterization. In cyclic voltammetry, the potential is 

varied cyclically to observe oxidation and reduction peaks. It is useful in studying reaction 

mechanisms. The method requires a working electrode, reference electrode, and auxiliary electrode. It 

is highly sensitive but requires careful control of experimental conditions. Interferences may occur 

from other electroactive species. It is widely used in environmental, pharmaceutical, and biochemical 

analysis. 

1.2 Spectral Analysis Spectrophotometry 

Spectrophotometry measures the absorption of light by a substance as a function of wavelength. It is 

based on Beer-Lambert’s law, which relates absorbance to concentration. It is widely used for 

quantitative analysis of drugs. The technique uses a light source, monochromator, sample holder, and 

detector. UV-visible spectrophotometry is most common in pharmaceutical analysis. It is simple, 

rapid, and highly accurate. It can analyze both colored and colorless compounds. Calibration curves 

are used for quantification. It is widely applied in dissolution testing and assay of drugs. Interferences 

may arise from impurities or solvent absorption. Proper wavelength selection is important. It is one of 

the most widely used analytical techniques in laboratories. 

a. Turbidimetry 

Turbidimetry measures the decrease in intensity of light transmitted through a suspension due to 

scattering by particles. It is used for quantitative analysis of insoluble precipitates. The amount of 

scattering depends on particle size and concentration. It is commonly used in immunoassays and 

microbial growth analysis. The technique is simple and rapid. It requires proper calibration with 

standards. It is less sensitive compared to other optical methods. It is affected by particle size 

distribution and settling. It is widely used in pharmaceutical and clinical laboratories. It is useful for 

estimating protein concentration and bacterial growth. It provides indirect measurement of analyte 

concentration. 

b. Colorimetry 

Colorimetry is based on the measurement of color intensity of a solution. It is used for substances that 

produce colored solutions. The intensity of color is proportional to concentration. It is a simple and 

cost-effective technique. It uses filters instead of monochromators. It is less sensitive than 

spectrophotometry but widely used in routine analysis. It is commonly used in pharmaceutical and 

biochemical assays. Calibration curves are used for quantification. It is affected by pH, temperature, 

and interfering substances. It is suitable for visible range analysis. It is widely used in educational and 

small laboratories. 

c. IR Spectroscopy 

Infrared spectroscopy identifies functional groups based on absorption of IR radiation. Molecules 

absorb IR radiation causing vibrational transitions. Each functional group has characteristic 

absorption bands. It is widely used for qualitative analysis and identification of compounds. It 

provides a fingerprint region for compound identification. It is useful in drug characterization and 

purity testing. It requires minimal sample preparation. It is non-destructive. It is widely used in 
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pharmaceutical industries. It cannot provide detailed structural information alone. It is often combined 

with other techniques. 

d. NMR Spectroscopy 

Nuclear Magnetic Resonance spectroscopy provides detailed structural information about molecules. 

It is based on the interaction of nuclear spins with a magnetic field. It gives information about 

hydrogen and carbon environments. It is highly useful for structure elucidation. It provides 

information about molecular connectivity and stereochemistry. It is non-destructive and highly 

reproducible. It requires expensive instrumentation. It is widely used in research and drug 

development. It can analyze complex mixtures. It is one of the most powerful analytical techniques. 

e. UV Spectroscopy 

UV spectroscopy measures absorption of ultraviolet light by molecules. It is useful for compounds 

with conjugated systems. It is widely used in pharmaceutical analysis for drug estimation. It is simple 

and rapid. It provides information about electronic transitions. It is less specific than other techniques. 

It is widely used in quality control. It requires calibration for accurate results. It is affected by solvent 

and impurities. 

f. Atomic Emission (AE) Spectroscopy 

AE spectroscopy measures light emitted by excited atoms. It is used for elemental analysis. High 

temperature excites atoms, causing emission of characteristic wavelengths. It is highly sensitive and 

selective. It is widely used in trace metal analysis. It requires specialized instruments. It is widely used 

in environmental and pharmaceutical analysis. 

g. Atomic Absorption (AA) Spectroscopy 

AA spectroscopy measures absorption of light by free atoms. It is used for quantitative determination 

of metals. It is highly sensitive and selective. It uses a hollow cathode lamp as a light source. It is 

widely used in pharmaceutical and environmental analysis. It requires careful calibration. It is limited 

to elemental analysis. 

1.3 Chromatographic Techniques 

a. Paper Chromatography 

Paper chromatography separates compounds based on partition between stationary and mobile phases. 

It is simple and inexpensive. It is used for qualitative analysis. It is widely used for amino acids and 

sugars. It is less precise compared to modern techniques. 

b. Gas Chromatography (GC) 

GC separates volatile compounds based on their distribution between gas phase and stationary phase. 

It is highly efficient and sensitive. It is widely used in pharmaceutical and environmental analysis. It 

requires volatile and thermally stable compounds. 
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c. Planar Chromatography 

Planar chromatography includes TLC and paper chromatography. It involves separation on a flat 

surface. It is simple and widely used for qualitative analysis. It is useful for purity testing. 

d. HPLC 

High Performance Liquid Chromatography is a powerful separation technique. It uses high pressure to 

pass solvents through columns. It is highly sensitive and precise. It is widely used in pharmaceutical 

analysis. 

e. TLC 

Thin Layer Chromatography uses a thin layer of adsorbent. It is simple and rapid. It is used for 

identification and purity testing. It provides Rf values. 

f. HPTLC 

High Performance TLC is an advanced form of TLC. It provides better resolution and accuracy. It is 

widely used in pharmaceutical analysis. 

1.4 Other Techniques 

a. RIA 

Radioimmunoassay uses radioactive isotopes for detection. It is highly sensitive. It is used for 

hormone analysis. It requires special handling due to radioactivity. 

b. ELISA 

Enzyme-linked immunosorbent assay uses enzymes for detection. It is widely used in diagnostics. It is 

highly specific and sensitive. It is safer than RIA. 

2. Non-Instrumental Methods 

2.1 Volumetric Analysis 

a. Acid-Base Titration 

Used to determine concentration of acids or bases. Based on neutralization reaction. Endpoint 

detected using indicators. 

b. Non-Aqueous Titration 

Used for weak acids/bases in non-aqueous solvents. Improves solubility and sharp endpoints. 
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c. Redox Titration 

Based on oxidation-reduction reactions. Uses indicators or potentiometric methods. 

d. Precipitation Titration 

Based on formation of insoluble precipitate. Example: silver nitrate titration. 

e. Complexometric Titration 

Based on formation of complexes. EDTA is commonly used. Widely used for metal ion estimation. 

2.2 Gravimetric Analysis 

Gravimetric analysis involves measurement of mass of analyte or its derivative. It is highly accurate 

and precise. It involves precipitation, filtration, drying, and weighing. It is used for determination of 

metals and ions. It is time-consuming but reliable. It requires pure precipitate formation. It is widely 

used in analytical chemistry. It is less affected by instrumental errors. It is considered a classical 

analytical technique. 

METHODS OF EXPRESSING STRENGTH OF SOLUTIONS 

1. Introduction 

In pharmaceutical analysis and chemistry, the strength of a solution refers to the amount of solute 

present in a given quantity of solvent or solution. Accurate expression of concentration is essential for 

drug formulation, quality control, dosing accuracy, and analytical procedures. Different methods 

are used to express solution strength depending on the nature of the solute, solvent, and purpose of 

analysis. 

These methods can be broadly classified into: 

• Percentage-based expressions  

• Molar concentration methods  

• Equivalent-based methods  

• Trace concentration units  

Each method has specific applications in pharmaceutical, clinical, and analytical chemistry. 

2. Percentage Strength Methods 

Percentage strength is one of the simplest and most commonly used methods to express concentration. 

2.1 Percentage Weight in Volume (% w/v) 
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Percentage weight in volume expresses the number of grams of solute present in 100 mL of 

solution. 

 

This method is widely used in pharmaceutical preparations such as syrups, injections, and solutions. 

For example, a 5% w/v solution means 5 grams of solute are dissolved in enough solvent to make 

100 mL of solution. 

Applications: 

• Liquid oral formulations  

• Parenteral solutions  

• IV fluids  

Advantages: 

• Easy to understand  

• Convenient for liquid formulations  

Limitations: 

• Temperature can affect volume  

• Less accurate for highly precise work  

2.2 Percentage Weight in Weight (% w/w) 

This expresses the grams of solute present in 100 grams of solution. 

 

This method is commonly used in semisolid preparations such as ointments, creams, and pastes. 

Applications: 

• Ointments  

• Creams  

• Solid mixtures  

Advantages: 

• Independent of temperature  

• More accurate than % w/v  
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Limitations: 

• Requires weighing of entire solution  

2.3 Percentage Volume in Volume (% v/v) 

This expresses the volume of solute in 100 mL of solution. 

 

Used when both solute and solvent are liquids, such as alcohol solutions. 

Applications: 

• Alcoholic preparations  

• Essential oil solutions  

Advantages: 

• Simple for liquid mixtures  

Limitations: 

• Volume changes due to mixing  

3. RATIO STRENGTH 

Ratio strength expresses concentration as 1 part of solute in X parts of solution. 

Example: 

1:1000 means 1 gram of solute in 1000 mL of solution. 

Explanation: 

It is widely used for very dilute solutions, especially in medical and pharmaceutical fields. 

Applications: 

• Antiseptic solutions  

• Ophthalmic preparations  

Advantages: 

• Easy for expressing dilute solutions  
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Limitations: 

• Less precise compared to molarity  

4. Molar Concentration Methods 

4.1 Molarity (M) 

Molarity is defined as the number of moles of solute per liter of solution. 

M=n/V 

Where: 

• n= number of moles  

• V = volume in liters  

Molarity is one of the most commonly used units in chemistry and pharmaceutical analysis. 

Applications: 

• Chemical reactions  

• Drug analysis  

• Buffer preparation  

Advantages: 

• Widely accepted  

• Useful for stoichiometric calculations  

Limitations: 

• Temperature-dependent (volume changes)  

4.2 Molality (m) 

Molality is defined as the number of moles of solute per kilogram of solvent. 

 

Unlike molarity, molality is independent of temperature because it is based on mass. 

Applications: 

• Thermodynamic studies  

• Colligative property calculations  
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Advantages: 

• Temperature independent  

Limitations: 

• Less commonly used in routine analysis  

4.3 Mole Fraction (X) 

Mole fraction is the ratio of moles of one component to the total moles in the solution. 

 

Used mainly in physical chemistry and thermodynamics. 

Applications: 

• Phase equilibria  

• Vapor pressure studies  

Advantages: 

• Unitless  

• Useful in theoretical calculations  

5. Equivalent-Based Methods 

5.1 Normality (N) 

Normality is defined as the number of gram equivalents of solute per liter of solution. 

 

The equivalent depends on the type of reaction (acid-base, redox, etc.). 

Applications: 

• Titration calculations  

• Acid-base reactions  

Advantages: 

• Useful in volumetric analysis  
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Limitations: 

• Depends on reaction type  

• Can be confusing  

5.2 Formality (F) 

Formality is the number of formula weights of solute per liter of solution, irrespective of 

dissociation. 

Explanation: 

Used when solute does not exist as discrete molecules in solution. 

Applications: 

• Ionic compounds  

• Electrolyte solutions  

6. Parts Per Methods (Trace Concentration) 

6.1 Parts Per Million (ppm) 

 

Used for very dilute solutions. 

Applications: 

• Environmental analysis  

• Drug impurities  

6.2 Parts Per Billion (ppb) 

 

Used for ultra-trace analysis. 

Applications: 

• Toxicology  

• Heavy metal detection  
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7. Milliequivalents And Millimoles 

7.1 Milliequivalents (mEq) 

Milliequivalent expresses the amount of substance based on equivalent weight. 

  

Applications: 

• Clinical chemistry  

• Electrolyte balance  

7.2 Millimoles (mmol) 

Millimoles express concentration in terms of moles × 1000. 

Applications: 

• Biochemical analysis  

• Drug dosing  

PRIMARY AND SECONDARY STANDARDS IN ANALYTICAL CHEMISTRY 

1. Introduction 

In volumetric and analytical chemistry, standards are substances used to determine the concentration 

of unknown solutions accurately. Standard solutions play a crucial role in quantitative analysis, 

titrations, method validation, and quality control in pharmaceutical sciences. 

Standards are broadly classified into: 

• Primary standards  

• Secondary standards  

The distinction between them is based on purity, stability, and the need for standardization. 

Understanding their properties and applications is essential for ensuring accuracy and reliability in 

analytical results. 

2. Primary Standards 

2.1 Definition 

A primary standard is a highly pure, stable, non-hygroscopic substance that can be weighed directly 

to prepare a solution of accurately known concentration. 
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2.2 Characteristics of Primary Standards 

A substance must satisfy the following criteria to be considered a primary standard: 

1. High Purity 

The substance should have a purity of at least 99.9% or higher. Impurities can lead to errors in 

concentration. 

2. Stability 

It must be chemically stable under normal laboratory conditions and should not decompose over time. 

3. Non-Hygroscopic Nature 

It should not absorb moisture from the atmosphere, as this would alter its weight. 

4. High Molecular Weight 

A higher molecular weight reduces weighing errors and increases accuracy. 

5. Readily Soluble 

It should dissolve completely in the solvent (usually water) to form a clear solution. 

6. Known Chemical Composition 

The formula must be well-defined and consistent. 

7. Non-Volatile 

It should not evaporate during weighing or storage. 

8. Reacts Stoichiometrically 

It should react completely and predictably with the analyte. 

2.3 Preparation of Primary Standard Solutions 

Preparation involves: 

1. Accurate weighing of the substance  

2. Dissolving in a suitable solvent  

3. Transferring to a volumetric flask  

4. Making up to the mark with solvent  

No further standardization is required. 
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2.4 Examples of Primary Standards 

1. Sodium Carbonate (Na₂CO₃) 

• Used for standardizing acids like HCl  

• Stable and non-hygroscopic  

2. Potassium Dichromate (K₂Cr₂O₇) 

• Used in redox titrations  

• Highly pure and stable  

3. Oxalic Acid (H₂C₂O₄·2H₂O) 

• Used in redox titrations  

• Crystalline and stable  

4. Potassium Hydrogen Phthalate (KHP) 

• Used to standardize NaOH  

• High purity and stable  

5. Sodium Chloride (NaCl) 

• Used in precipitation titrations  

2.5 Advantages of Primary Standards 

• High accuracy  

• No need for standardization  

• Reliable and reproducible results  

2.6 Limitations 

• Limited availability of suitable substances  

• Some may be expensive  

3. Secondary Standards 

3.1 Definition 

A secondary standard is a substance whose concentration must be determined by titration against a 

primary standard before use. 

3.2 Characteristics of Secondary Standards 
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1. Lower Purity 

They are not available in highly pure form. 

2. Hygroscopic or Volatile 

May absorb moisture or lose components on storage. 

3. Less Stable 

May decompose over time. 

4. Requires Standardization 

Must be standardized against a primary standard before use. 

3.3 Preparation of Secondary Standard Solutions 

1. Prepare an approximate solution  

2. Titrate against a primary standard  

3. Calculate exact concentration  

3.4 Examples of Secondary Standards 

1. Hydrochloric Acid (HCl) 

• Used in acid-base titrations  

• Standardized using Na₂CO₃  

2. Sodium Hydroxide (NaOH) 

• Absorbs CO₂ from air  

• Standardized using KHP  

3. Potassium Permanganate (KMnO₄) 

• Decomposes over time  

• Standardized using oxalic acid  

4. Silver Nitrate (AgNO₃) 

• Used in precipitation titrations  

• Standardized using NaCl  

3.5 Advantages of Secondary Standards 

• Easily available  

• Suitable for routine analysis  
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3.6 Limitations 

• Requires frequent standardization  

• Less accurate compared to primary standards  

ERRORS IN PHARMACEUTICAL ANALYSIS 

1. Introduction 

In pharmaceutical and analytical chemistry, accuracy and precision are fundamental to obtaining 

reliable results. However, no measurement is completely free from error. An error is defined as the 

difference between the true value (accepted value) and the observed (measured) value. 

 

Errors can arise due to limitations in instruments, environmental conditions, human factors, or 

procedural flaws. Understanding the nature and sources of errors is essential for improving the 

quality, reliability, and reproducibility of analytical results. 

2. Sources Of Errors 

Errors can originate from multiple sources during analytical procedures. These sources must be 

identified and controlled to ensure accuracy. 

2.1 Instrumental Errors 

Instrumental errors arise due to imperfections or limitations in analytical instruments. 

Causes: 

• Improper calibration  

• Mechanical defects  

• Drift in instrument response  

• Electrical fluctuations  

Examples: 

• Incorrect readings from a spectrophotometer  

• Faulty pH meter electrode  

Impact: 

These errors can lead to consistent deviations in results. 

2.2 Personal (Human) Errors 
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These errors are caused by the analyst during experimentation. 

Causes: 

• Improper reading of measurements (parallax error)  

• Careless handling of equipment  

• Incorrect recording of data  

• Lack of skill or experience  

Examples: 

• Misreading burette levels  

• Incorrect pipetting  

2.3 Method Errors 

Method errors arise due to limitations or flaws in the analytical method itself. 

Causes: 

• Incomplete reactions  

• Side reactions  

• Interference from other substances  

• Incorrect assumptions in calculations  

Examples: 

• Indicator error in titration  

• Matrix interference in analysis  

2.4 Environmental Errors 

These errors occur due to external environmental factors. 

Causes: 

• Temperature variations  

• Humidity  

• Air pressure changes  

• Contamination  

Examples: 

• Volume changes due to temperature  

• Hygroscopic substances absorbing moisture  

2.5 Reagent Errors 
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Errors due to impurities or instability in reagents. 

Causes: 

• Impure chemicals  

• Decomposition of reagents  

• Incorrect concentration  

Examples: 

• Degraded KMnO₄ solution  

• Contaminated solvents  

3. Types of Errors 

Errors are broadly classified into three main types: 

3.1 Systematic Errors (Determinate Errors) 

Systematic errors are predictable and reproducible errors that occur consistently in the same 

direction. 

Characteristics: 

• Can be identified and corrected  

• Affect accuracy  

• Occur due to known causes  

Types of Systematic Errors: 

3.1.1 Instrumental Errors 

Due to faulty or improperly calibrated instruments. 

3.1.2 Method Errors 

Due to limitations in analytical procedures. 

3.1.3 Personal Errors 

Due to consistent bias by the analyst. 

Examples: 

• Consistently high readings due to calibration error  

• Indicator giving incorrect endpoint  
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3.2 Random Errors (Indeterminate Errors) 

Random errors occur due to unpredictable variations in measurement. 

Characteristics: 

• Cannot be completely eliminated  

• Affect precision  

• Occur in both directions (positive and negative)  

Causes: 

• Fluctuations in experimental conditions  

• Instrumental noise  

• Human estimation  

Examples: 

• Slight variation in repeated titration readings  

• Electrical noise in instruments  

3.3 Gross Errors 

Gross errors are large, obvious mistakes caused by human negligence. 

Causes: 

• Miscalculation  

• Incorrect reagent use  

• Spillage or contamination  

Examples: 

• Recording wrong value  

• Using wrong solution  

Characteristics: 

• Easily detected  

• Must be avoided  

4. Classification Based On Effect 

4.1 Absolute Error 

Difference between true value and measured value. 
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4.2 Relative Error 

Ratio of absolute error to true value. 

 

4.3 Percentage Error 

 

METHODS OF MINIMIZING ERRORS IN PHARMACEUTICAL ANALYSIS 

1. Introduction 

Errors are an inherent part of any analytical measurement, but their magnitude and impact can be 

significantly reduced by adopting appropriate techniques and precautions. Minimizing errors is 

essential to ensure accuracy, precision, reproducibility, and reliability of analytical results, 

especially in pharmaceutical analysis where even small deviations can affect drug safety, efficacy, 

and regulatory compliance. 

The goal of minimizing errors is not always to eliminate them completely—since some errors 

(especially random errors) are unavoidable—but to control, reduce, and account for them as much 

as possible. 

2. General Principles for Error Minimization 

Before discussing specific methods, the following general principles should be followed: 

• Use validated analytical methods  

• Maintain standard laboratory conditions  

• Ensure proper training of analysts  

• Use calibrated instruments and standard solutions  

• Perform replicate analyses  

3. Methods of Minimizing Errors 

3.1 Proper Calibration of Instruments 

Calibration is the process of comparing an instrument’s readings with a known standard and adjusting 

it to ensure accuracy. 
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Key Points: 

• Instruments must be calibrated regularly using certified reference standards  

• Calibration curves should be prepared for instruments like spectrophotometers  

• Drift in instrument response should be monitored and corrected  

Examples: 

• Calibration of pH meter using buffer solutions  

• Calibration of analytical balance using standard weights  

Importance: 

• Reduces systematic (instrumental) errors  

• Ensures accurate and consistent measurements  

3.2 Use of High-Purity Reagents and Chemicals 

The quality of reagents directly affects analytical results. 

Measures: 

• Use analytical grade (AR grade) or pharmaceutical grade chemicals  

• Avoid expired or degraded reagents  

• Store chemicals under appropriate conditions  

Importance: 

• Prevents contamination  

• Reduces reagent-based errors  

3.3 Standardization of Solutions 

Secondary standard solutions must be standardized against primary standards. 

Steps: 

1. Prepare approximate solution  

2. Titrate against a primary standard  

3. Calculate exact concentration  

Example: 

• Standardizing NaOH using potassium hydrogen phthalate (KHP)  

Importance: 

• Ensures accurate concentration values  
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• Reduces systematic errors  

3.4 Use of Proper Analytical Techniques 

Following correct analytical procedures minimizes method errors. 

Measures: 

• Use validated methods (as per ICH guidelines)  

• Follow Standard Operating Procedures (SOPs)  

• Avoid deviations in experimental steps  

Importance: 

• Ensures reproducibility  

• Minimizes procedural errors  

3.5 Proper Training and Skill Development 

Human errors can be minimized through proper training. 

Measures: 

• Train analysts in handling instruments and glassware  

• Develop skills in titration, pipetting, and measurement  

• Ensure careful observation and recording  

Importance: 

• Reduces personal bias  

• Improves accuracy and precision  

3.6 Control of Environmental Conditions 

Environmental factors can significantly influence analytical results. 

Factors to Control: 

• Temperature  

• Humidity  

• Air pressure  

• Dust and contamination  

Measures: 

• Perform analysis in controlled environments  

• Use air-conditioned laboratories  

• Avoid exposure of hygroscopic substances  
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Importance: 

• Prevents environmental errors  

• Ensures consistency  

3.7 Use of Replicate Measurements 

Repeating experiments helps in minimizing random errors. 

Measures: 

• Perform at least 3–5 replicate analyses  

• Calculate mean (average) value  

Importance: 

• Reduces random fluctuations  

• Improves precision  

3.8 Use of Blank Determinations 

Blank experiments help correct background errors. 

Explanation: 

A blank contains all reagents except the analyte. 

Purpose: 

• Identify errors due to reagents or environment  

• Subtract blank value from actual readings  

Importance: 

• Improves accuracy  

• Eliminates systematic errors  

3.9 Use of Control Samples and Reference Standards 

Control samples are analyzed alongside test samples. 

Measures: 

• Use certified reference materials  

• Compare results with known values  
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Importance: 

• Validates analytical method  

• Detects errors early  

3.10 Proper Handling and Cleaning of Apparatus 

Contaminated or improperly handled equipment can introduce errors. 

Measures: 

• Clean glassware thoroughly  

• Avoid cross-contamination  

• Use dry and calibrated apparatus  

Importance: 

• Prevents contamination  

• Ensures accurate results  

3.11 Avoidance of Parallax Error 

Parallax error occurs when readings are not taken at eye level. 

Measures: 

• Read meniscus at eye level  

• Use proper lighting  

Importance: 

• Improves measurement accuracy  

3.12 Accurate Measurement Techniques 

Measures: 

• Use appropriate measuring devices (pipette, burette, volumetric flask)  

• Avoid estimation errors  

• Use calibrated instruments  

Importance: 

• Ensures precise measurements  

3.13 Minimizing Sampling Errors 

Sampling errors occur when the sample is not representative. 
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Measures: 

• Use proper sampling techniques  

• Ensure homogeneity of sample  

Importance: 

• Ensures reliability of results  

3.14 Statistical Treatment of Data 

Statistical methods help analyze and minimize errors. 

Measures: 

• Calculate mean, standard deviation  

• Use confidence intervals  

Importance: 

• Identifies random errors  

• Improves reliability  

3.15 Regular Maintenance of Instruments 

Measures: 

• Periodic servicing  

• Replacement of worn-out parts  

• Software updates  

Importance: 

• Prevents instrumental drift  

• Ensures long-term accuracy  

3.16 Use of Automation and Advanced Instruments 

Modern instruments reduce human errors. 

Examples: 

• Automated titrators  

• HPLC systems  

Importance: 

• Improves precision  
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• Reduces manual errors  

3.17 Documentation and Record Keeping 

Proper documentation helps in identifying and correcting errors. 

Measures: 

• Maintain lab records  

• Record observations immediately  

Importance: 

• Ensures traceability  

• Helps in auditing  

ACCURACY AND PRECISION IN PHARMACEUTICAL ANALYSIS  

In pharmaceutical analysis, the concepts of accuracy and precision are fundamental parameters used 

to evaluate the reliability and quality of analytical methods. These terms are often used together but 

represent different aspects of measurement performance. Understanding their distinction is essential 

in analytical chemistry, quality control, method validation, and regulatory compliance. 

1. Accuracy 

Definition 

Accuracy refers to the closeness of a measured value to the true or accepted reference value. It 

indicates how correct a measurement is. 

In pharmaceutical analysis, accuracy ensures that the method provides results that reflect the actual 

amount of drug or analyte present in a sample. 

Explanation 

If an analytical method consistently produces results that are very close to the true value, it is said to 

be accurate. Accuracy is influenced by systematic errors, which may arise due to faulty instruments, 

incorrect calibration, reagent impurities, or procedural flaws. 

For example, if the true concentration of a drug is 100 mg and the method gives results like 99.8 mg, 

100.2 mg, or 100.1 mg, the method is highly accurate. 

Types of Accuracy Assessment 

1. Absolute Accuracy 

It refers to the closeness of the measured value to the true value without comparison to other 

results.  
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2. Relative Accuracy 

It compares the measured value with a reference standard or known value.  

3. Recovery Studies (Spiking Method) 

In pharmaceutical formulations, known quantities of analyte are added to the sample, and the 

percentage recovery is calculated.  

Expression of Accuracy 

Accuracy is usually expressed as: 

• Percentage Recovery (% Recovery) 

 

• Absolute Error 

 

• Relative Error 

 

Factors Affecting Accuracy 

• Instrument calibration errors  

• Impurities in reagents  

• Environmental conditions (temperature, humidity)  

• Human errors in measurement  

• Methodological limitations  

Importance of Accuracy 

• Ensures correct dosage in pharmaceuticals  

• Critical for regulatory approval  

• Maintains patient safety  

• Validates analytical methods  

2. Precision 

Definition 

Precision refers to the degree of agreement among repeated measurements of the same sample 

under specified conditions. It indicates reproducibility or consistency. 

Precision is not concerned with how close the result is to the true value but rather how close the 

repeated measurements are to each other. 
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Explanation 

If repeated measurements give very similar results, the method is considered precise, even if those 

results are far from the true value. 

For example, if the true value is 100 mg but repeated measurements are 95.1 mg, 95.2 mg, 95.0 mg, 

the method is precise but not accurate. 

Types of Precision 

1. Repeatability (Intra-day Precision)  

o Same analyst  

o Same instrument  

o Short time interval  

2. Intermediate Precision (Inter-day Precision)  

o Different days  

o Same laboratory  

3. Reproducibility  

o Different laboratories  

o Different analysts and instruments  

Expression of Precision 

Precision is usually expressed using statistical parameters: 

• Standard Deviation (SD)  

• Variance  

• Relative Standard Deviation (RSD) or %RSD  

 

Lower %RSD indicates higher precision. 

Factors Affecting Precision 

• Instrumental fluctuations  

• Operator variability  

• Sample handling techniques  

• Environmental variations  

• Measurement technique  

Importance of Precision 

• Ensures reproducibility of results  

• Important for method validation  

• Helps detect random errors  

• Essential in routine quality control  
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3. Difference Between Accuracy and Precision 

Parameter Accuracy Precision 

Definition Closeness to true value Closeness between repeated values 

Error Type Affected by systematic error Affected by random error 

Focus Correctness Reproducibility 

Measurement Compared with true/reference value Compared among repeated results 

Example Result = 100 mg (true value = 100 mg) Results = 95, 95.1, 95.2 mg 

4. Relationship Between Accuracy and Precision 

Accuracy and precision are independent but complementary: 

• High accuracy + High precision → Ideal analytical method  

• High precision + Low accuracy → Consistent but biased results  

• High accuracy + Low precision → Correct on average but inconsistent  

• Low accuracy + Low precision → Unreliable method  

 

 

IMPURITIES IN PHARMACEUTICAL SUBSTANCES  

1. Definition of Impurities  

Impurities in pharmaceutical substances are defined as any component present in a drug substance 

or drug product that is not the intended active pharmaceutical ingredient (API) or a 
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deliberately added excipient. These unwanted materials may be chemical, inorganic, or biological in 

nature and can originate at any stage of the drug lifecycle—from synthesis and formulation to storage 

and distribution. 

From a regulatory and analytical perspective, impurities are not merely contaminants; they are critical 

quality attributes (CQAs) that must be identified, quantified, and controlled. Even trace-level 

impurities can significantly influence the therapeutic efficacy, pharmacokinetics, and toxicological 

profile of a drug. 

Impurities can arise due to: 

• Incomplete chemical reactions  

• Side reactions during synthesis  

• Degradation of the drug substance over time  

• Interaction between drug and excipients  

• Environmental exposure such as moisture, light, and oxygen  

In pharmaceutical analysis, impurity profiling is an essential part of method validation, stability 

studies, and quality control testing. The acceptable limits of impurities are defined by regulatory 

guidelines, ensuring that their presence does not pose a risk to patient safety. 

2. Types of Impurities  

Impurities are broadly classified into several categories based on their origin and nature. Each type 

has distinct characteristics, sources, and regulatory considerations. 

2.1 Organic Impurities 

Organic impurities are carbon-containing compounds that are most commonly encountered in 

pharmaceutical substances. They are primarily generated during the chemical synthesis of APIs or 

formed during storage due to degradation. 

Sources of Organic Impurities 

• Starting materials: Residual unreacted chemicals used in synthesis  

• Intermediates: Compounds formed during multi-step synthesis  

• By-products: Undesired products formed due to side reactions  

• Degradation products: Resulting from chemical instability  

Examples 

• Unreacted benzene derivatives in aromatic drugs  

• Oxidized forms of APIs  

• Hydrolyzed ester compounds  
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Significance 

Organic impurities are particularly important because: 

• Some may exhibit pharmacological activity, altering drug action  

• Certain impurities can be genotoxic or carcinogenic  

• They may interfere with analytical measurements  

Control Measures 

• Optimization of synthesis pathways  

• Purification techniques such as recrystallization and chromatography  

• Stability testing under stress conditions  

2.2 Inorganic Impurities 

Inorganic impurities are non-carbon-based substances that typically originate from the 

manufacturing process. 

Sources 

• Reagents and catalysts used in synthesis  

• Heavy metals from equipment  

• Inorganic salts formed during reactions  

• Filter aids and charcoal  

Examples 

• Heavy metals: Lead, mercury, arsenic  

• Residual salts: Sodium chloride, sulfates  

• Catalyst residues: Palladium, platinum  

Significance 

• Heavy metals are toxic even at very low concentrations  

• Can accumulate in the body and cause chronic toxicity  

• May affect drug stability and formulation  

Control Measures 

• Use of high-purity reagents  

• Proper cleaning and maintenance of equipment  

• Testing as per elemental impurity guidelines  

2.3 Residual Solvents 

Residual solvents are volatile organic chemicals used during synthesis or formulation that are not 

completely removed. 
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Sources 

• Reaction media  

• Purification steps such as crystallization or extraction  

Examples 

• Methanol  

• Ethanol  

• Acetone  

• Benzene  

Classification (According to International Council for Harmonisation) 

• Class 1: Solvents to be avoided (e.g., benzene – carcinogenic)  

• Class 2: Solvents to be limited (e.g., methanol, acetonitrile)  

• Class 3: Low toxicity solvents (e.g., ethanol, acetone)  

Significance 

• Toxicity depends on solvent type and exposure level  

• May affect drug stability and odor  

Control Measures 

• Drying techniques (vacuum drying, lyophilization)  

• Gas chromatography for detection  

2.4 Degradation Products 

Degradation products are formed when the drug undergoes chemical changes during storage or 

handling. 

Causes 

• Hydrolysis (reaction with water)  

• Oxidation (reaction with oxygen)  

• Photolysis (exposure to light)  

• Thermal degradation  

Examples 

• Hydrolyzed aspirin forming salicylic acid  

• Oxidation of phenolic compounds  

Significance 

• May reduce drug potency  
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• Can produce toxic compounds  

• Affect shelf life  

Control Measures 

• Proper packaging (light-resistant containers)  

• Use of antioxidants and stabilizers  

• Controlled storage conditions  

2.5 Microbiological Impurities 

These impurities involve contamination by microorganisms such as bacteria, fungi, and viruses. 

Sources 

• Raw materials  

• Manufacturing environment  

• Improper handling  

Examples 

• E. coli, Salmonella, molds  

Significance 

• Can cause infections  

• Lead to product spoilage  

• Particularly critical in sterile formulations  

Control Measures 

• Good Manufacturing Practices (GMP)  

• Sterilization techniques  

• Microbial limit testing  

3. Contents (Sources) of Impurities 

Impurities can be introduced at various stages of drug development and manufacturing: 

3.1 Raw Materials 

Impurities may originate from: 

• Low-quality starting materials  

• Contaminated solvents and reagents  

Even trace contaminants can persist throughout the synthesis process. 
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3.2 Manufacturing Process 

During synthesis: 

• Side reactions produce unwanted compounds  

• Incomplete reactions leave residual reactants  

• Catalysts and reagents may remain  

Process optimization is essential to minimize these impurities. 

3.3 Equipment and Environment 

• Corrosion of metallic equipment introduces metal ions  

• Dust and airborne particles contaminate products  

• Cross-contamination from other products  

3.4 Storage Conditions 

• Exposure to heat, light, and moisture accelerates degradation  

• Interaction with packaging materials (plasticizers, leachables)  

3.5 Decomposition Over Time 

• Chemical instability leads to formation of degradation products  

• Shelf life determination depends on impurity profiling  

4. Regulatory Importance of Impurities 

The control of impurities is strictly regulated to ensure drug safety and efficacy. 

4.1 Regulatory Authorities 

Key organizations include: 

• International Council for Harmonisation  

• World Health Organization  

• United States Food and Drug Administration  

These bodies establish guidelines for impurity limits and testing. 

4.2 ICH Guidelines 

• ICH Q3A: Impurities in new drug substances  

• ICH Q3B: Impurities in drug products  

• ICH Q3C: Residual solvents  

• ICH Q3D: Elemental impurities  

These guidelines provide: 
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• Threshold limits  

• Reporting requirements  

• Safety evaluation criteria  

4.3 Threshold Concepts 

• Reporting Threshold: Minimum level at which impurity must be reported  

• Identification Threshold: Level requiring identification of impurity  

• Qualification Threshold: Level requiring toxicological evaluation  

4.4 Importance in Industry 

• Ensures patient safety  

• Maintains product consistency  

• Required for drug approval  

• Prevents adverse drug reactions  

• Supports global harmonization  

5. Analytical Methods for Impurity Detection (Detailed) 

Various techniques are used for impurity analysis: 

Chromatographic Techniques 

• High Performance Liquid Chromatography (HPLC)  

• Gas Chromatography (GC)  

Spectroscopic Techniques 

• UV-Visible Spectroscopy  

• Infrared Spectroscopy  

• Mass Spectrometry  

Other Methods 

• Titrimetric analysis  

• Thermal analysis  

• Capillary electrophoresis  

These methods allow: 

• Identification of impurity structure  

• Quantification of impurity levels  

• Monitoring of stability  

Impurities are inevitable in pharmaceutical substances but must be strictly controlled and 

monitored. Their presence can significantly affect drug safety, efficacy, and stability. A 
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comprehensive understanding of impurity types, sources, and regulatory requirements is essential for 

developing high-quality pharmaceutical products. Regulatory guidelines, particularly those from ICH, 

provide a structured framework to ensure that impurity levels remain within safe and acceptable 

limits. 

LIMIT TEST FOR CHLORIDE 

1. Introduction 

The limit test for chloride is a semi-quantitative analytical test used in pharmaceutical analysis to 

determine whether the amount of chloride impurity present in a substance is within the permissible 

limit specified by pharmacopeial standards (such as IP, BP, USP). 

Chloride impurities may originate from: 

• Raw materials  

• Manufacturing processes  

• Use of hydrochloric acid or chlorinated reagents  

• Environmental contamination  

Excess chloride can affect: 

• Drug stability  

• Chemical reactions in formulations  

• Patient safety (especially in parenteral preparations)  

Therefore, this test ensures that chloride levels are controlled and within acceptable limits. 

2. Principle 

The test is based on the reaction between chloride ions (Cl⁻) and silver nitrate (AgNO₃) in the 

presence of dilute nitric acid, resulting in the formation of a white precipitate of silver chloride 

(AgCl). 

• The intensity of turbidity produced is proportional to the chloride concentration.  

• The turbidity of the test solution is compared with that of a standard solution containing a 

known amount of chloride.  

If the turbidity of the test solution is not greater than the standard, the sample passes the test. 

3. Reaction 

The chemical reaction involved is: 
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• Silver chloride (AgCl) forms as a white precipitate.  

• Nitric acid is used to prevent interference from other ions (like carbonates or phosphates).  

4. Method 

This is a visual comparison method carried out using Nessler cylinders. 

Requirements 

• Test solution (sample under examination)  

• Standard chloride solution  

• Dilute nitric acid  

• Silver nitrate solution  

• Distilled water  

• Nessler cylinders (matched pair)  

 

5. Procedure 

Step 1: Preparation of Test Solution 

• Dissolve a specified quantity of the sample in distilled water.  

• Transfer to a Nessler cylinder.  
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Step 2: Preparation of Standard Solution 

• Take a known volume of standard sodium chloride solution containing a fixed amount of 

chloride.  

• Transfer to another Nessler cylinder.  

Step 3: Addition of Reagents 

• To both cylinders, add:  

o Dilute nitric acid  

o Silver nitrate solution  

Step 4: Dilution 

• Make up the volume of both solutions to the same level with distilled water.  

Step 5: Mixing 

• Mix thoroughly and allow to stand for 5 minutes.  

6. Observation 

• Observe the turbidity (cloudiness) formed in both cylinders against a black background.  

Interpretation 

• If the test solution shows less or equal turbidity compared to the standard → Passes the 

test  

• If the test solution shows more turbidity → Fails the test  

The limit test for chloride is a simple yet important quality control test in pharmaceutical analysis. It 

ensures that chloride impurities remain within safe and acceptable limits, thereby maintaining the 

purity, safety, and stability of pharmaceutical substances. 

LIMIT TEST FOR SULPHATE 

1. Introduction 

The limit test for sulphate is a semi-quantitative analytical test used to determine whether the 

amount of sulphate impurity (SO₄²⁻) present in a pharmaceutical substance is within the prescribed 

pharmacopeial limits. 

Sulphate impurities may arise from: 

• Use of sulphuric acid during manufacturing  

• Contaminated raw materials  

• Environmental exposure  
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Excess sulphate can: 

• Affect drug stability  

• Interfere with formulation reactions  

• Reduce product quality  

Hence, this test ensures that sulphate content remains within safe and acceptable limits. 

2. Principle 

The test is based on the reaction between sulphate ions (SO₄²⁻) and barium chloride (BaCl₂) in an 

acidic medium, forming a white precipitate of barium sulphate (BaSO₄). 

• The turbidity produced is proportional to the sulphate concentration.  

• The turbidity of the test solution is compared with that of a standard sulphate solution.  

If the turbidity of the test solution is not greater than that of the standard, the sample passes the test. 

3. Reaction 

 

• Barium sulphate (BaSO₄) forms as a white precipitate.  

• Acidic conditions prevent interference from other ions.  

4. Method 

• Visual comparison method  

• Carried out using Nessler cylinders  

• Requires identical conditions for test and standard  
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5. Procedure 

Step 1: Preparation of Test Solution 

• Dissolve a specified quantity of the sample in distilled water.  

• Transfer into a Nessler cylinder.  

Step 2: Preparation of Standard Solution 

• Prepare a standard sulphate solution containing a known amount of sulphate.  

• Transfer into another Nessler cylinder.  

Step 3: Addition of Reagents 

• Add dilute hydrochloric acid to both solutions.  

• Add barium chloride solution to both.  

Step 4: Dilution 

• Dilute both solutions to the same volume with distilled water.  

Step 5: Mixing and Standing 

• Mix well and allow to stand for 5 minutes.  
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6. Observation 

• Observe the turbidity (white cloudiness) in both cylinders against a black background.  

Interpretation 

• Test turbidity ≤ Standard turbidity → Passes the test  

• Test turbidity > Standard turbidity → Fails the test  

7. Important Points 

• Both cylinders must be identical and filled to the same level  

• Comparison should be done under uniform lighting conditions  

• The test is comparative, not quantitative  

• Immediate observation is necessary for accurate comparison 

LIMIT TEST FOR IRON 

1. Introduction 

The limit test for iron is a semi-quantitative analytical test used to determine whether the amount of 

iron impurity (Fe²⁺/Fe³⁺) present in a pharmaceutical substance is within the acceptable pharmacopeial 

limits. 

Iron contamination may arise from: 

• Manufacturing equipment (corrosion of iron surfaces)  

• Raw materials and water used in processing  

• Environmental contamination  

Excess iron can: 

• Cause toxicity  

• Catalyze oxidative degradation of drugs  

• Affect color and stability of formulations  

Therefore, this test ensures that iron content remains within safe permissible limits. 

2. Principle 

Iron ions react with thioglycolic acid in the presence of ammonia, forming a purple-colored ferrous-

thioglycolate complex. 

• Ferric ions (Fe³⁺) are first reduced to ferrous ions (Fe²⁺) by thioglycolic acid.  

• The resulting Fe²⁺ forms a colored complex.  

• The intensity of the purple color is proportional to the iron concentration.  
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The color produced in the test solution is compared with that of a standard iron solution. 

If the color intensity of the test solution is not greater than that of the standard, the sample passes the 

test. 

3. Reaction 

Step 1: Reduction of ferric to ferrous ions 

 

Step 2: Formation of purple complex 

 

4. Method 

• Color comparison method  

• Carried out using Nessler cylinders  

• Requires identical experimental conditions  
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5. Procedure 

Step 1: Preparation of Test Solution 

• Dissolve the specified quantity of the sample in distilled water.  

• Transfer to a Nessler cylinder.  

Step 2: Addition of Citric Acid 

• Add citric acid to mask interfering metal ions.  
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Step 3: Addition of Thioglycolic Acid 

• Add a small amount of thioglycolic acid to the solution.  

Step 4: Alkalinization 

• Add ammonia solution to make the solution alkaline.  

Step 5: Dilution 

• Dilute to the required volume with distilled water.  

Step 6: Preparation of Standard 

• Prepare a standard iron solution containing a known amount of iron and treat similarly.  

Step 7: Standing Time 

• Allow both solutions to stand for 5 minutes for full color development.  

6. Observation 

• Observe the purple coloration in both cylinders.  

Interpretation 

• Test color ≤ Standard color → Passes the test  

• Test color > Standard color → Fails the test  

7. Role of Reagents 

• Thioglycolic acid → Reducing agent + complex former  

• Ammonia → Provides alkaline medium for color development  

• Citric acid → Masks interference from other metals  

8. Important Points 

• Both solutions must be prepared under identical conditions  

• Color comparison should be done in good lighting conditions  

• The test is comparative, not quantitative  

• Timing is important for accurate comparison  

The limit test for iron is an important quality control test that ensures iron impurities are within safe 

limits. It helps maintain the stability, purity, and safety of pharmaceutical products by preventing 

harmful effects associated with excess iron. 
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LIMIT TEST FOR ARSENIC  

1. Introduction 

The limit test for arsenic is a semi-quantitative test used to detect and control the presence of 

arsenic impurities in pharmaceutical substances. Arsenic is a highly toxic and carcinogenic 

element, even at very low concentrations. 

Sources of Arsenic Impurities 

• Contaminated raw materials  

• Water used in manufacturing  

• Chemical reagents  

• Environmental exposure  

Significance 

• Causes serious toxicity (skin lesions, cancer, organ damage)  

• Strict limits are imposed in pharmacopeias  

• Essential for ensuring patient safety  

2. Principle 

The test is based on the conversion of arsenic compounds into arsine gas (AsH₃) by reaction with 

nascent hydrogen generated from zinc and acid. 

• The arsine gas reacts with mercuric chloride paper, producing a yellow to brown stain.  

• The intensity of the stain is compared with a standard arsenic solution.  

If the stain produced in the test is not darker than the standard, the sample passes the test.  3. 

Reaction 

Step 1: Formation of Arsine Gas 

 

Step 2: Reaction with Mercuric Chloride Paper 

 

4. Method 

• Gutzeit apparatus method  

• Gas generation and stain comparison technique  
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5. Procedure 

Step 1: Preparation of Test Solution 

• Take the sample solution in the Gutzeit apparatus bottle.  

Step 2: Acidification 

• Add hydrochloric acid to create an acidic medium.  

Step 3: Generation of Arsine Gas 

• Add zinc granules to generate nascent hydrogen.  

• Arsine gas (AsH₃) is produced.  

Step 4: Gas Reaction 

• The arsine gas passes through a tube and reacts with mercuric chloride paper placed at the 

top.  

Step 5: Preparation of Standard 

• Prepare a standard arsenic solution and treat similarly.  

Step 6: Time 

• Allow the reaction to proceed for 40 minutes.  
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6. Observation 

• Observe the color stain on mercuric chloride paper.  

Interpretation 

• Test stain ≤ Standard stain → Passes the test  

• Test stain > Standard stain → Fails the test  

7. Important Points 

• Use arsenic-free reagents  

• Apparatus must be airtight  

• Timing (40 minutes) is critical  

• Comparison should be done under proper lighting  

The limit test for arsenic is a crucial safety test in pharmaceutical analysis. It ensures that highly toxic 

arsenic impurities are maintained within safe limits, thereby protecting patient health and ensuring 

drug quality. 

LIMIT TEST FOR LEAD  

1. Introduction 

The limit test for lead is a semi-quantitative test used to determine whether the amount of lead 

impurity (Pb²⁺) present in a pharmaceutical substance is within acceptable pharmacopeial limits. 

Sources of Lead Impurities 

• Contaminated raw materials  

• Water used in manufacturing  

• Lead-containing equipment or pipes  

• Environmental pollution  

Significance 

• Lead is a highly toxic heavy metal  

• Causes neurological, renal, and hematological disorders  

• Even trace amounts can be harmful  

• Strict limits are imposed in pharmaceutical standards  

2. Principle 

Lead ions react with dithizone (diphenylthiocarbazone) in an alkaline medium to form a colored 

complex. 
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• The lead–dithizone complex is red/pink in color and is extracted into an organic solvent 

(usually chloroform).  

• The intensity of the color is proportional to the lead concentration.  

• The color of the test solution is compared with that of a standard lead solution.  

If the color intensity of the test solution is not greater than that of the standard, the sample passes the 

test. 

3. Reaction 

 

• The complex is extracted into an organic layer (chloroform).  

4. Method 

• Color comparison method  

• Involves solvent extraction technique  

• Comparison of colored organic layers  
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5. Procedure 

Step 1: Preparation of Test Solution 

• Dissolve the sample in distilled water.  

Step 2: Adjustment of pH 

• Add buffer solution to make the medium alkaline.  

Step 3: Extraction 

• Add dithizone solution in chloroform.  

• Shake vigorously to extract the lead complex into the chloroform layer.  
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Step 4: Separation 

• Allow layers to separate.  

• The organic (chloroform) layer contains the colored complex.  

Step 5: Preparation of Standard 

• Prepare a standard lead solution and treat in the same manner.  

6. Observation 

• Compare the intensity of red/pink color in the chloroform layer.  

Interpretation 

• Test color ≤ Standard color → Passes the test  

• Test color > Standard color → Fails the test  

7. Role of Reagents 

• Dithizone → Forms colored complex with lead  

• Chloroform → Extracts the complex into organic layer  

• Buffer solution → Maintains suitable pH  

The limit test for lead is an essential quality control test that ensures the absence of toxic levels of lead 

in pharmaceutical substances. It plays a crucial role in maintaining drug safety, purity, and regulatory 

compliance. 

LIMIT TEST FOR HEAVY METALS  

1. Introduction 

The limit test for heavy metals is a semi-quantitative test used to detect and control the presence of 

toxic metallic impurities in pharmaceutical substances. These metals include: 

• Lead (Pb)  

• Mercury (Hg)  

• Arsenic (As)  

• Bismuth (Bi)  

• Cadmium (Cd)  

Sources of Heavy Metal Impurities 

• Raw materials  

• Manufacturing equipment (corrosion)  

• Water used in processing  
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• Environmental contamination  

Significance 

• Heavy metals are highly toxic even in trace amounts  

• Can cause organ damage, neurological disorders, and cancer  

• Strict limits are defined in pharmacopeias  

2. Principle 

The test is based on the reaction of heavy metal ions with hydrogen sulfide (H₂S) or a sulfide-

generating reagent (like thioacetamide), forming colored metal sulfides. 

• These sulfides produce a brown to black coloration.  

• The intensity of color is proportional to the concentration of heavy metals.  

• The test solution is compared with a standard lead solution treated similarly.  

If the color produced in the test solution is not darker than the standard, the sample passes the test. 

3. Reaction 

 

4. Method 

• Color comparison method  

• Sulfide precipitation technique  

• Carried out in Nessler cylinders or test tubes  
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5. Procedure 

Step 1: Preparation of Test Solution 

• Dissolve the given sample in distilled water.  

Step 2: Buffering 

• Add acetate buffer to maintain suitable pH.  

Step 3: Addition of Reagent 

• Add hydrogen sulfide solution or thioacetamide reagent.  
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Step 4: Development of Color 

• Allow the solution to stand for a specified time for color development.  

Step 5: Preparation of Standard 

• Prepare a standard lead solution and treat in the same way.  

6. Observation 

• Observe the brown/black coloration formed.  

Interpretation 

• Test color ≤ Standard color → Passes the test  

• Test color > Standard color → Fails the test  

7. Role of Reagents 

• Hydrogen sulfide / Thioacetamide → Produces metal sulfides  

• Acetate buffer → Maintains optimal pH  

• Standard lead solution → Reference for comparison  

8. Important Points 

• The test is non-specific (detects total heavy metals, not individual ones)  

• Must use metal-free reagents and apparatus  

• Proper pH is essential for accurate results  

• Comparison should be done under uniform lighting conditions  

9. Limitations 

• Cannot identify individual metals  

• Less sensitive compared to modern techniques (e.g., ICP-MS, AAS)  

• Being replaced by advanced instrumental methods in many pharmacopeias 
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MODIFIED LIMIT TEST FOR CHLORIDE 

1. Introduction 

The modified limit test for chloride is used when the sample contains substances that interfere with 

the standard chloride test, such as: 

• Colored compounds  

• Substances forming precipitates with silver nitrate  

• Organic materials  

The modification ensures accurate detection of chloride ions (Cl⁻) in complex samples. 

2. Principle 

Similar to the standard test, chloride ions react with silver nitrate (AgNO₃) in the presence of nitric 

acid, forming silver chloride (AgCl). 

However, in the modified method: 

• Interfering substances are removed or masked  

• The reaction is carried out under controlled conditions  

The turbidity produced is compared with a standard chloride solution. 

3. Reaction 

 

4. Modification Applied 

Depending on the nature of interference: 

a. Removal of Organic Matter 

• Sample may be ignited or treated with oxidizing agents  

• Converts organic matter into ash  

b. Filtration 

• Removes insoluble impurities  

c. Use of Nitric Acid 

• Prevents interference from carbonates, phosphates, etc.  

5. Procedure (Modified) 
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1. Treat the sample to remove interfering substances (e.g., ignition or filtration).  

2. Dissolve the residue in distilled water.  

3. Add dilute nitric acid.  

4. Add silver nitrate solution.  

5. Prepare a standard chloride solution similarly.  

6. Compare turbidity after 5 minutes.  

6. Observation 

• Compare turbidity against a black background.  

Interpretation 

• Test turbidity ≤ Standard → Passes  

• Test turbidity > Standard → Fails  

7. Key Advantages 

• Eliminates interference  

• Improves accuracy  

• Suitable for complex pharmaceutical samples  

MODIFIED LIMIT TEST FOR SULPHATE 

1. Introduction 

The modified limit test for sulphate is used when the sample contains interfering substances such as: 

• Colored solutions  

• Compounds forming precipitates with barium chloride  

• Organic matter  

This modification ensures accurate detection of sulphate ions (SO₄²⁻). 

2. Principle 

Sulphate ions react with barium chloride (BaCl₂) in an acidic medium to form barium sulphate 

(BaSO₄). 

In the modified method: 

• Interfering substances are removed or masked  

• Turbidity is compared with a standard sulphate solution  

3. Reaction 
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4. Modification Applied 

a. Removal of Interfering Substances 

• Organic matter removed by ignition or oxidation  

• Insoluble matter removed by filtration  

b. Acidification 

• Use of dilute hydrochloric acid prevents interference from carbonates and phosphates  

c. Controlled Precipitation 

• Ensures uniform turbidity formation  

5. Procedure (Modified) 

1. Treat the sample to remove interfering substances.  

2. Dissolve in distilled water.  

3. Add dilute hydrochloric acid.  

4. Add barium chloride solution.  

5. Prepare a standard sulphate solution similarly.  

6. Allow to stand for 5 minutes.  

6. Observation 

• Compare turbidity under uniform lighting conditions.  

Interpretation 

• Test turbidity ≤ Standard → Passes  

• Test turbidity > Standard → Fails  

7. Key Advantages 

• Reduces interference  

• Improves clarity of turbidity  

• Provides more reliable results  
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UNIT – 2nd 
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ACIDS, BASES, AND BUFFERS  

These three concepts are fundamental in pharmaceutical analysis, medicinal chemistry, and 

formulation science, especially in understanding drug stability, solubility, ionization, and biological 

compatibility. 

1. Acids 

1.1 Definition 

An acid is a substance that can donate a proton (H⁺ ion) or accept an electron pair, depending on 

the theoretical definition applied. 

1.2 Theoretical Concepts of Acids 

(a) Arrhenius Concept 

An acid is a substance that produces H⁺ ions in aqueous solution. 

Example: 

 

(b) Brønsted–Lowry Concept 

An acid is a proton donor. 

Example: 

 

(c) Lewis Concept 

An acid is an electron pair acceptor. 

Example: 

 

1.3 Types of Acids 

• Strong acids (completely ionize): HCl, HNO₃  

• Weak acids (partially ionize): CH₃COOH  

• Organic acids: Acetic acid, citric acid  

• Mineral acids: Sulfuric acid, hydrochloric acid  
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1.4 Properties of Acids 

• Sour taste  

• Turn blue litmus red  

• React with metals to produce hydrogen gas  

• Conduct electricity in aqueous solution  

• pH less than 7  

1.5 Role in Pharmaceuticals 

• Control of drug solubility  

• Used in buffer systems  

• Important in drug stability and formulation  

• Affect absorption and bioavailability  

2. Bases 

2.1 Definition 

A base is a substance that can accept a proton (H⁺ ion) or donate an electron pair, depending on 

the concept used. 

2.2 Theoretical Concepts of Bases 

(a) Arrhenius Concept 

A base produces OH⁻ ions in aqueous solution. 

Example: 

 

(b) Brønsted–Lowry Concept 

A base is a proton acceptor. 

Example: 

− 

 

(c) Lewis Concept 

A base is an electron pair donor. 
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Example: 

 

2.3 Types of Bases 

• Strong bases: NaOH, KOH  

• Weak bases: NH₃  

• Organic bases: Amines  

• Alkalies: Water-soluble bases  

2.4 Properties of Bases 

• Bitter taste  

• Turn red litmus blue  

• Feel slippery  

• Conduct electricity  

• pH greater than 7  

2.5 Role in Pharmaceuticals 

• Used in antacid formulations  

• Control pH of formulations  

• Influence drug stability and ionization  

• Important in neutralization reactions  

3. Buffers 

3.1 Definition 

A buffer is a solution that resists changes in pH when small amounts of acid or base are added. 

Buffers are essential in maintaining constant pH conditions in pharmaceutical and biological 

systems. 

3.2 Composition of Buffer Solutions 

Buffers are typically made of: 

• Weak acid + its salt with a strong base 

(e.g., acetic acid + sodium acetate)  

OR 

• Weak base + its salt with a strong acid 

(e.g., ammonia + ammonium chloride)  
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3.3 Mechanism of Buffer Action 

Buffers work based on the presence of a conjugate acid-base pair. 

Example: Acetate Buffer 

 

• When acid is added → acetate ions neutralize H⁺  

• When base is added → acetic acid neutralizes OH⁻  

3.4 Henderson–Hasselbalch Equation 

 

This equation helps calculate the pH of buffer solutions. 

3.5 Types of Buffers 

(a) Acidic Buffers 

• pH < 7  

• Example: Acetic acid + sodium acetate  

(b) Basic Buffers 

• pH > 7  

• Example: Ammonia + ammonium chloride  

3.6 Buffer Capacity 

• Refers to the ability of a buffer to resist pH change  

• Depends on:  

o Concentration of buffer components  

o Ratio of acid to salt  

3.7 Importance in Pharmaceuticals 

• Maintain physiological pH in formulations  

• Ensure drug stability  

• Improve drug solubility and absorption  

• Used in:  

o Injections  

o Eye drops  

o Oral solutions  
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Acids, bases, and buffers are fundamental chemical systems that play a critical role in 

pharmaceutical formulations, biological systems, and analytical chemistry. While acids and bases 

control the chemical environment, buffers ensure pH stability, which is essential for maintaining 

drug efficacy, safety, and patient compatibility. 

PH SCALE AND ITS SIGNIFICANCE  

1. Introduction to pH 

The term pH stands for “potential of hydrogen” and is a measure of the acidity or alkalinity of a 

solution. It indicates the concentration of hydrogen ions (H⁺) present in a solution. 

• High H⁺ concentration → Acidic solution  

• Low H⁺ concentration → Basic (alkaline) solution  

The concept of pH is fundamental in pharmaceutical analysis, drug formulation, and biological 

systems, as many chemical and physiological processes depend on pH. 

2. Definition of pH 

Mathematically, pH is defined as: 

 

Where: 

• [H+]= concentration of hydrogen ions (in moles/L)  

This logarithmic relationship means: 

• A small change in pH represents a large change in hydrogen ion concentration  

3. pH Scale 

The pH scale ranges from 0 to 14: 

pH Range Nature of Solution 

0 – 6 Acidic 

7 Neutral 

8 – 14 Basic (Alkaline) 

Key Points 

• pH = 7 → Neutral (pure water)  

• pH < 7 → Acidic  

• pH > 7 → Basic  
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3.1 Conceptual Representation of pH Scale 

Strong Acid   Weak Acid     Neutral     Weak Base     Strong Base 

0   1   2   3   4   5   6   7   8   9   10  11  12  13  14 

|-----------|-----------|-----------|-----------|-----------| 

Examples 

• pH 1–2 → Strong acids (HCl)  

• pH 4–6 → Weak acids  

• pH 7 → Water  

• pH 8–10 → Weak bases  

• pH 11–14 → Strong bases (NaOH)  

4. Importance of Logarithmic Nature 

Because pH is logarithmic: 

• A change of 1 pH unit = 10 times change in acidity/basicity  

Example: 

• pH 3 is 10 times more acidic than pH 4  

• pH 2 is 100 times more acidic than pH 4  

5. Significance of pH in Pharmaceuticals 

5.1 Drug Stability 

• Many drugs degrade at certain pH levels  

• Proper pH ensures maximum shelf life  

Example: 

• Aspirin hydrolyzes faster in alkaline conditions  

5.2 Drug Solubility 

• Solubility of drugs depends on pH  

• Ionized forms are generally more soluble  

Importance: 

• Enhances bioavailability  

5.3 Drug Absorption 
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• pH affects ionization of drugs  

• Only non-ionized drugs are easily absorbed  

Example: 

• Weak acids absorbed in stomach (low pH)  

• Weak bases absorbed in intestine (higher pH)  

5.4 Buffer Systems in Formulations 

• pH must be maintained using buffers  

• Ensures drug stability and patient comfort  

Used in: 

• Injections  

• Eye drops  

• Oral liquids  

5.5 Physiological Importance 

Different parts of the body have specific pH ranges: 

Body Fluid pH 

Blood 7.35 – 7.45 

Stomach 1 – 3 

Intestine 6 – 8 

Maintaining correct pH is essential for: 

• Enzyme activity  

• Metabolism  

• Homeostasis 

5.6 Compatibility and Irritation 

• Extreme pH can cause tissue irritation or damage  

• Formulations are adjusted to physiological pH  

5.7 Analytical Applications 

• Used in titrations  

• Essential in quality control testing  

• Important for method development  
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6. Measurement of pH 

pH can be measured using: 

1. pH Meter 

• Most accurate method  

• Uses glass electrode  

2. Indicators 

• Litmus paper  

• Universal indicator  

3. Colorimetric Methods 

• Based on color change  

7. Applications of pH Scale 

• Pharmaceutical formulations  

• Food industry  

• Environmental monitoring  

• Clinical diagnostics  

8. Limitations of pH Scale 

• Applicable mainly to aqueous solutions  

• Not accurate for very concentrated solutions  

• Requires proper calibration for measurement  

The pH scale is a fundamental concept that provides a quantitative measure of acidity and 

alkalinity. Its significance in pharmaceuticals is immense, influencing drug stability, solubility, 

absorption, and safety. Proper control of pH is essential for developing effective and safe 

pharmaceutical products. 

BUFFER EQUATION AND CALCULATION OF PH OF BUFFER SOLUTIONS  

1. Buffer Equation (Henderson–Hasselbalch Equation) 

The pH of a buffer solution is calculated using the Henderson–Hasselbalch equation, which relates 

the pH of the buffer to the acid strength (pKa) and the ratio of salt to acid. 

1.1 For Acidic Buffer (Weak Acid + Its Salt) 
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Where: 

• pH = hydrogen ion concentration of solution  

• pKa = dissociation constant of weak acid  

• [Salt] = concentration of conjugate base (e.g., sodium acetate)  

• [Acid] = concentration of weak acid (e.g., acetic acid)  

1.2 For Basic Buffer (Weak Base + Its Salt) 

 

Since: 

pH=14−pOH 

We can calculate pH from pOH. 

 

2. Derivation (Conceptual Understanding) 

For a weak acid buffer: 

 

3. Calculation of pH of Buffer Solutions 

3.1 Example 1: Acidic Buffer 

Problem 

Calculate the pH of a buffer containing: 
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• 0.1 M acetic acid  

• 0.1 M sodium acetate  

• pKa of acetic acid = 4.76  

Solution 

Using Henderson–Hasselbalch equation: 

 

Conclusion 

When acid and salt concentrations are equal: 

pH=pKa 

 

3.2 Example 2: Unequal Concentration 

Problem 

• Acetic acid = 0.1 M  

• Sodium acetate = 0.2 M  

• pKa = 4.76  

Solution 

 

Conclusion 

Increasing salt concentration increases pH. 

3.3 Example 3: Basic Buffer 

Problem 

• Ammonia (NH₃) = 0.1 M  

• Ammonium chloride = 0.2 M  

• pKb = 4.75  
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Solution 

 

4. Important Points for Calculations 

• If [Salt] = [Acid] → pH = pKa  

• If [Salt] > [Acid] → pH increases  

• If [Salt] < [Acid] → pH decreases  

Buffer works best when: 

 

5. Buffer Capacity (Brief) 

• Ability of buffer to resist pH change  

• Increases with concentration  

• Maximum when: 

[Acid]=[Salt] 

6. Applications in Pharmaceuticals 

• Maintaining pH of injections and eye drops  

• Enhancing drug stability  

• Controlling drug solubility and absorption  

• Used in biological systems and formulations  

The Henderson–Hasselbalch equation is a fundamental tool for calculating the pH of buffer solutions. 

It helps in designing buffers with desired pH, which is essential in pharmaceutical formulations, 

analytical chemistry, and biological systems. application in IV Fluids and Ophthalmic Solutions. 

ISOTONICITY AND ITS APPLICATION IN IV FLUIDS AND OPHTHALMIC SOLUTIONS 
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1. Introduction to Isotonicity 

Isotonicity refers to the condition in which a solution has the same osmotic pressure as body fluids 

such as blood plasma, tears, or intracellular fluids. When two solutions are isotonic, there is no net 

movement of water across a semipermeable membrane. 

In pharmaceutical sciences, isotonicity is crucial for ensuring that drug formulations are safe, non-

irritating, and physiologically compatible. 

2. Definition 

An isotonic solution is defined as a solution that exerts the same osmotic pressure as biological 

fluids, preventing the movement of water into or out of cells. 

• Blood plasma osmotic pressure ≈ equivalent to 0.9% sodium chloride solution  

• Tears also have similar osmotic characteristics  

3. Related Terms 

3.1 Hypotonic Solution 

• Lower osmotic pressure than body fluids  

• Causes water to enter cells → swelling → possible cell rupture (hemolysis)  

3.2 Hypertonic Solution 

• Higher osmotic pressure than body fluids  

• Causes water to leave cells → shrinkage (crenation)  

4. Osmosis and Cell Behavior 

• Isotonic → No change in cell size  

• Hypotonic → Cells swell  

• Hypertonic → Cells shrink  

This principle is critical for red blood cells (RBCs) and delicate tissues like the eye. 

5. Importance of Isotonicity in Pharmaceuticals 

• Prevents cell damage (lysis or shrinkage)  

• Ensures patient comfort  

• Maintains drug stability and efficacy  

• Essential for parenteral and ophthalmic formulations  
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6. Application in IV Fluids (Intravenous Fluids) 

 

6.1 Importance in IV Administration 

IV fluids are directly introduced into the bloodstream, so they must be isotonic with blood plasma to 

avoid: 

• Hemolysis (RBC rupture)  

• Vein irritation  

• Fluid imbalance  

6.2 Common Isotonic IV Fluids 

• 0.9% Sodium Chloride (Normal Saline)  

• 5% Dextrose solution (D5W)  

• Ringer’s Lactate solution  

6.3 Effects of Non-Isotonic IV Fluids 

Hypotonic IV Fluids 

• RBCs swell and burst  

• Dangerous in clinical use  

Hypertonic IV Fluids 

• RBCs shrink  

• May cause dehydration of cells  

6.4 Clinical Applications 

• Fluid replacement therapy  

• Electrolyte balance  

• Drug delivery via IV route  

7. Application in Ophthalmic Solutions 

7.1 Importance in Eye Preparations 

Ophthalmic solutions must be isotonic with tear fluid to avoid: 

• Eye irritation  

• Lacrimation (tear secretion)  

• Drug loss due to blinking  

7.2 Ideal Conditions 
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• Isotonic with tears (equivalent to 0.9% NaCl)  

• However, slight deviations are tolerated (0.6%–2% NaCl equivalent)  

7.3 Effects of Non-Isotonic Solutions 

Hypotonic 

• Causes swelling of ocular tissues  

• Discomfort and irritation  

Hypertonic 

• Causes shrinkage of cells  

• Burning sensation  

7.4 Clinical Importance 

• Enhances drug absorption in the eye  

• Improves patient compliance  

• Prevents damage to corneal tissues  

8. Methods to Adjust Isotonicity 

8.1 Sodium Chloride Equivalent Method (E-value method) 

• Calculates amount of NaCl needed to make solution isotonic  

8.2 Cryoscopic Method (Freezing Point Depression) 

• Based on lowering of freezing point  

• Isotonic solutions freeze at −0.52°C  

8.3 Liso Method 

• Uses constants based on molecular properties  

8.4 White–Vincent Method 

• Calculates volume needed to make isotonic solution  

9. Significance in Pharmaceutical Formulation 

• Ensures compatibility with body fluids  

• Reduces toxicity and irritation  

• Essential for:  

o Parenteral preparations  

o Ophthalmic solutions  
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o Nasal formulations  

Isotonicity is a vital concept in pharmaceutical sciences that ensures safe interaction between drug 

formulations and biological systems. In IV fluids, it prevents blood cell damage, while in ophthalmic 

solutions, it ensures comfort and effectiveness. Proper adjustment of isotonicity is therefore essential 

for therapeutic success and patient safety. 

FUNCTIONS OF MAJOR PHYSIOLOGICAL IONS  

Physiological ions (electrolytes) are charged particles present in body fluids such as blood plasma, 

intracellular fluid, and extracellular fluid. They play a critical role in maintaining homeostasis, nerve 

conduction, muscle contraction, enzyme activity, and osmotic balance. 

The most important physiological ions include: 

• Sodium (Na⁺)  

• Potassium (K⁺)  

• Calcium (Ca²⁺)  

• Magnesium (Mg²⁺)  

• Chloride (Cl⁻)  

• Bicarbonate (HCO₃⁻)  

• Phosphate (PO₄³⁻)  

1. Sodium (Na⁺) 

Major Extracellular Cation 

Functions 

• Maintains osmotic pressure and fluid balance  

• Regulates blood volume and blood pressure  

• Essential for nerve impulse transmission  

• Plays a role in muscle contraction  

• Involved in nutrient transport (glucose, amino acids)  

Clinical Significance 

• Hyponatremia → confusion, weakness  

• Hypernatremia → dehydration, hypertension  

2. Potassium (K⁺) 

Major Intracellular Cation 

Functions 

• Maintains cell membrane potential  
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• Essential for nerve impulse conduction  

• Important for cardiac muscle function  

• Regulates acid-base balance  

• Activates enzymes involved in metabolism  

Clinical Significance 

• Hypokalemia → muscle weakness, arrhythmias  

• Hyperkalemia → cardiac arrest risk  

3. Calcium (Ca²⁺) 

Functions 

• Essential for bone and teeth formation  

• Required for blood clotting  

• Plays a role in muscle contraction  

• Involved in nerve transmission  

• Acts as a cell signaling molecule  

Clinical Significance 

• Hypocalcemia → tetany, muscle spasms  

• Hypercalcemia → kidney stones, bone weakness  

4. Magnesium (Mg²⁺) 

Functions 

• Cofactor for many enzymes  

• Important for ATP metabolism  

• Regulates neuromuscular activity  

• Stabilizes DNA and RNA structures  

• Supports cardiac function  

Clinical Significance 

• Deficiency → muscle cramps, seizures  

• Excess → respiratory depression  

5. Chloride (Cl⁻) 

Major Extracellular Anion 

Functions 

• Maintains osmotic balance  
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• Helps regulate acid-base balance  

• Forms hydrochloric acid (HCl) in the stomach  

• Involved in CO₂ transport (chloride shift)  

Clinical Significance 

• Hypochloremia → metabolic alkalosis  

• Hyperchloremia → acidosis  

6. Bicarbonate (HCO₃⁻) 

Functions 

• Major component of buffer system in blood  

• Maintains acid-base balance  

• Neutralizes excess acids  

• Helps maintain pH ~7.4 in blood  

Clinical Significance 

• Low levels → acidosis  

• High levels → alkalosis  

7. Phosphate (PO₄³⁻) 

Functions 

• Component of ATP (energy currency)  

• Important for bone and teeth structure  

• Acts as a buffer in intracellular fluid  

• Involved in cell signaling and metabolism  

ELECTROLYTES USED IN REPLACEMENT THERAPY  

Electrolyte replacement therapy is essential for correcting fluid and electrolyte imbalances caused 

by dehydration, vomiting, diarrhea, burns, renal disorders, or surgery. The commonly used 

electrolytes include: 

• Sodium chloride (NaCl)  

• Potassium chloride (KCl)  

• Calcium chloride (CaCl₂)  

• Oral Rehydration Salts (ORS)  

These agents restore osmotic balance, nerve function, muscle activity, and acid–base equilibrium. 
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1. Sodium Chloride (NaCl) 

1.1 Introduction 

Sodium chloride is the most widely used electrolyte in replacement therapy. It is the principal source 

of sodium (Na⁺) and chloride (Cl⁻) ions in the body. 

1.2 Physiological Role 

• Maintains osmotic pressure and fluid balance  

• Regulates blood volume and blood pressure  

• Essential for nerve impulse transmission  

• Helps maintain acid–base balance  

1.3 Forms Used 

• 0.9% NaCl (Normal Saline) – isotonic  

• Hypertonic saline (3%, 5%) – severe hyponatremia  

• Hypotonic saline (0.45%) – intracellular dehydration  

1.4 Uses in Therapy 

• Treatment of dehydration  

• Management of hyponatremia  

• Fluid replacement in shock and trauma  

• Diluent for IV drugs  

1.5 Administration 

• Intravenous (IV) infusion  

• Oral (in ORS solutions)  

1.6 Precautions 

• Excess use may cause fluid overload and hypertension  

• Use cautiously in renal and cardiac patients  

2. Potassium Chloride (KCl) 

2.1 Introduction 

Potassium chloride is used to replenish potassium (K⁺), the major intracellular cation. 

2.2 Physiological Role 

• Maintains cell membrane potential  

• Essential for cardiac function  

• Supports muscle contraction  
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• Regulates acid–base balance  

2.3 Uses in Therapy 

• Treatment of hypokalemia  

• Prevention of potassium loss due to:  

o Diuretics  

o Diarrhea  

o Vomiting  

2.4 Administration 

• Oral tablets or solutions  

• IV infusion (slow and controlled)  

2.5 Precautions 

• Rapid IV administration can cause cardiac arrest  

• Monitor serum potassium levels  

• Avoid in renal failure  

3. Calcium Chloride (CaCl₂) 

3.1 Introduction 

Calcium chloride is used to restore calcium levels in the body and is a potent electrolyte for 

emergency use. 

3.2 Physiological Role 

• Essential for bone and teeth formation  

• Required for blood clotting  

• Important for muscle contraction  

• Plays a role in nerve transmission  

3.3 Uses in Therapy 

• Treatment of hypocalcemia  

• Management of cardiac arrhythmias  

• Antidote in magnesium toxicity  

• Used in resuscitation (cardiac support)  

3.4 Administration 

• Intravenous injection (slow)  

3.5 Precautions 
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• Must be given slowly to avoid cardiac complications  

• Can cause tissue irritation if extravasation occurs  

• Monitor calcium levels carefully  

4. Oral Rehydration Salts (ORS) 

4.1 Introduction 

Oral Rehydration Salts (ORS) are a balanced mixture of electrolytes and glucose used to treat 

dehydration caused by diarrhea and vomiting. 

They are recommended by the World Health Organization for managing dehydration, especially in 

children. 

4.2 Composition (Typical WHO Formula) 

• Sodium chloride (NaCl)  

• Potassium chloride (KCl)  

• Glucose (anhydrous)  

• Trisodium citrate (or sodium bicarbonate)  

4.3 Mechanism of Action 

• Glucose facilitates sodium absorption via sodium-glucose co-transport  

• Sodium absorption promotes water absorption in the intestine  

• Restores fluid and electrolyte balance  

4.4 Uses in Therapy 

• Treatment of diarrhea-induced dehydration  

• Management of cholera and gastroenteritis  

• Prevention of dehydration  

4.5 Advantages 

• Simple, safe, and cost-effective  

• Can be administered at home  

• Reduces mortality in diarrheal diseases  

4.6 Administration 

• Dissolve ORS packet in clean water  

• Administer orally in small, frequent doses  

4.7 Precautions 

• Use correct dilution  

• Avoid contamination  
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• Discard unused solution after 24 hours  

PHYSIOLOGICAL ACID–BASE BALANCE  

1. Introduction 

Physiological acid–base balance refers to the mechanisms by which the body maintains the pH of 

blood and body fluids within a narrow range (≈ 7.35–7.45) despite continuous production of acids 

from metabolism. 

• Normal blood pH ≈ 7.4 (slightly alkaline)  

• Even small deviations can impair enzyme activity, cellular function, and organ systems  

Maintaining this balance is essential for: 

• Metabolic reactions  

• Oxygen transport  

• Electrolyte balance  

• Nervous system function  

2. Sources of Acids and Bases in the Body 

2.1 Sources of Acids 

(a) Volatile Acids 

• Mainly carbonic acid (H₂CO₃) formed from carbon dioxide (CO₂)  

• Produced during cellular respiration  

 

(b) Non-Volatile (Fixed) Acids 

• Sulfuric acid (from protein metabolism)  

• Phosphoric acid  

• Organic acids (lactic acid, ketone bodies)  

2.2 Sources of Bases 

• Bicarbonate ions (HCO₃⁻)  

• Phosphate ions  

• Proteins (act as buffers)  
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3. Normal pH Range and Its Importance 

• Arterial blood pH: 7.35 – 7.45  

• Venous blood pH: slightly lower  

Significance 

• Enzyme systems function optimally at specific pH  

• Extreme pH leads to protein denaturation and cell death  

4. Buffer Systems in the Body 

Buffers resist sudden changes in pH by neutralizing added acids or bases. 

4.1 Bicarbonate Buffer System (Most Important) 

Reaction 

 

Function 

• Maintains blood pH  

• Regulated by lungs (CO₂) and kidneys (HCO₃⁻)  

4.2 Henderson–Hasselbalch Relationship 

 

• Shows relationship between bicarbonate and carbon dioxide  

• Normal ratio ≈ 20:1 for pH 7.4  

4.3 Phosphate Buffer System 

 

Function 

• Important in intracellular fluid and kidneys  

4.4 Protein Buffer System 
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• Proteins act as buffers due to amino and carboxyl groups  

• Hemoglobin is a major buffer in blood  

5. Role of Organs in Acid–Base Balance 

5.1 Lungs (Respiratory Regulation) 

• Control CO₂ elimination  

• Rapid response (minutes)  

Mechanism 

• Increased respiration → ↓ CO₂ → ↑ pH (alkalosis)  

• Decreased respiration → ↑ CO₂ → ↓ pH (acidosis)  

5.2 Kidneys (Metabolic Regulation) 

• Control H⁺ excretion and HCO₃⁻ reabsorption  

• Slow but long-term regulation  

Functions 

• Excrete hydrogen ions  

• Reabsorb bicarbonate  

• Produce new bicarbonate  

6. Acid–Base Disorders 

 

6.1 Acidosis (pH < 7.35) 

Types 

(a) Respiratory Acidosis 

• Caused by CO₂ retention  

• Example: Lung diseases  

(b) Metabolic Acidosis 

• Caused by excess acid or loss of bicarbonate  

• Example: Diarrhea, kidney failure  

6.2 Alkalosis (pH > 7.45) 
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Types 

(a) Respiratory Alkalosis 

• Caused by excess CO₂ loss  

• Example: Hyperventilation  

(b) Metabolic Alkalosis 

• Caused by excess bicarbonate or acid loss  

• Example: Vomiting  

7. Compensation Mechanisms 

The body attempts to restore normal pH: 

• Respiratory compensation → changes in breathing  

• Renal compensation → changes in H⁺ and HCO₃⁻ handling  
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UNIT – 3rd 
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THEORIES OF ACID–BASE INDICATORS  

Acid–base indicators are substances that change color depending on the pH of the solution. They are 

widely used in titrations and analytical chemistry to determine the end point of acid–base reactions. 

The color change of indicators is explained by different theories: 

1. Introduction to Acid–Base Indicators 

An acid–base indicator is typically a weak organic acid or weak base whose undissociated and 

dissociated forms have different colors. 

General Representation 

• For acidic indicator: 

 

• For basic indicator: 

 

Where: 

• HIn = one color  

• In⁻ = different color  

2. Ostwald Theory (Ionization Theory) 

2.1 Principle 

The Ostwald theory states that indicators are weak electrolytes that exist in equilibrium between 

unionized and ionized forms, each having a different color. 

2.2 Explanation 

For an acidic indicator: 

 

• HIn (unionized form) → one color  

• In⁻ (ionized form) → another color  

2.3 Effect of pH 
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In Acidic Medium 

• High H⁺ concentration shifts equilibrium to the left  

• More HIn present → color of HIn appears  

In Basic Medium 

• OH⁻ removes H⁺ → equilibrium shifts to the right  

• More In⁻ formed → color of In⁻ appears  

2.4 Example 

• Phenolphthalein  

o Acidic medium → colorless  

o Basic medium → pink  

2.5 Limitations 

• Cannot explain indicators that show structural changes  

• Fails for indicators with complex color transitions  

3. Quinonoid Theory 

3.1 Principle 

The quinonoid theory explains that the color change of indicators is due to structural 

transformation between two forms: 

• Benzenoid form (one color)  

• Quinonoid form (different color)  

3.2 Explanation 

Indicators exist in two structural forms: 

• Benzenoid structure → usually colorless  

• Quinonoid structure → usually colored  

Change in pH causes conversion between these forms. 

3.3 Example 

Phenolphthalein 

• Acidic → benzenoid (colorless)  

• Basic → quinonoid (pink)  

3.4 Mechanism 
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• Addition of base causes structural rearrangement  

• Leads to formation of conjugated system (color change)  

3.5 Advantages 

• Explains structural basis of color change  

• Applicable to many organic indicators  

3.6 Limitations 

• Does not explain all indicators  

• Cannot quantify pH range precisely  

4. Modern Theory (Electronic Theory / Chromophore Theory) 

4.1 Principle 

The modern theory explains color change based on electronic transitions and chromophores in 

molecules. 

4.2 Explanation 

• Indicators contain chromophores (color-producing groups)  

• pH change alters:  

o Electron distribution  

o Resonance structures  

o Conjugation length  

This results in different absorption of light → color change 

4.3 Key Concepts 

• Chromophore → group responsible for color  

• Auxochrome → group that modifies color intensity  

• Resonance → affects wavelength of absorbed light  

4.4 Example 

• Phenolphthalein:  

o Acidic → less conjugation → colorless  

o Basic → more conjugation → pink  

4.5 Advantages 

• Explains color changes at molecular level  

• Applicable to a wide range of indicators  
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5. pH Range of Indicators 

Each indicator changes color over a specific pH range: 

Indicator pH Range Color Change 

Methyl orange 3.1 – 4.4 Red → Yellow 

Phenolphthalein 8.2 – 10 Colorless → Pink 

Litmus 5 – 8 Red → Blue 

6. Indicator Selection in Titration 

• Indicator should change color near equivalence point  

• Depends on:  

o Strength of acid and base  

o pH at equivalence  

Theories of acid–base indicators explain how and why indicators change color with pH. While the 

Ostwald theory explains ionization, the quinonoid theory explains structural changes, and the modern 

theory provides a molecular-level understanding. Together, these theories are essential for analytical 

chemistry, titrations, and pharmaceutical analysis. 

CLASSIFICATION OF ACID–BASE TITRATIONS  

Acid–base titrations (neutralization titrations) are analytical methods in which an acid reacts with a 

base to determine the concentration of an unknown solution. They are widely used in 

pharmaceutical analysis, quality control, and assay of drugs. 

1. Basis of Classification 

Acid–base titrations are classified based on the strength of acid and base involved: 

1. Strong Acid vs Strong Base  

2. Strong Acid vs Weak Base  

3. Weak Acid vs Strong Base  

4. Weak Acid vs Weak Base  

Each type shows different pH changes, equivalence points, and indicator requirements. 

2. Types of Acid–Base Titrations 

2.1 Strong Acid vs Strong Base 

Example 

• Hydrochloric acid (HCl) vs Sodium hydroxide (NaOH)  
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Reaction 

 

Characteristics 

• Complete ionization of both acid and base  

• Sharp and steep pH change near equivalence point  

• Equivalence point at pH = 7 (neutral)  

Titration Curve 

 

Indicators Used 

• Phenolphthalein  

• Methyl orange  

Applications 

• Determination of strong acids or bases in formulations  

2.2 Strong Acid vs Weak Base 

Example 

• HCl vs Ammonia (NH₃)  
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Reaction 

 

Characteristics 

• Strong acid completely ionized  

• Weak base partially ionized  

• Equivalence point at pH < 7 (acidic)  

Titration Curve 

 

• Gradual rise in pH  

• Less steep than strong–strong titration  

Indicators Used 

• Methyl orange (works in acidic range)  

Applications 

• Assay of weak bases in pharmaceuticals  

2.3 Weak Acid vs Strong Base 

Example 

• Acetic acid (CH₃COOH) vs NaOH  

Reaction 
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Characteristics 

• Weak acid partially ionized  

• Strong base completely ionized  

• Equivalence point at pH > 7 (basic)  

Titration Curve 

 

 

• Buffer region present  

• Gradual increase before sharp rise  

Indicators Used 

• Phenolphthalein (works in basic range)  

Applications 

• Determination of weak acids  

2.4 Weak Acid vs Weak Base 

Example 

• Acetic acid vs Ammonia  

Reaction 

 

Characteristics 

• Both acid and base partially ionized  
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• No sharp pH change  

• Equivalence point depends on relative strength  

Titration Curve 

 

 

• No steep region  

• Difficult to determine end point  

Indicators Used 

• Not suitable with common indicators  

• Requires pH meter or instrumental methods  

Applications 

• Rarely used in routine analysis  

PREPARATION AND STANDARDIZATION OF TITRANTS: HYDROCHLORIC ACID 

AND SODIUM HYDROXIDE 

Titrants are standard solutions of known concentration used in volumetric analysis. Since some 

reagents (like HCl and NaOH) are not primary standards, they must be prepared approximately 

and then standardized against a primary standard. 

1. Hydrochloric Acid (HCl) 

1.1 Nature 

• Strong acid  

• Not a primary standard because:  

o Volatile  

o Concentration may change on storage  
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1.2 Preparation of Hydrochloric Acid Solution 

Procedure 

1. Take concentrated HCl (≈ 36–37%).  

2. Dilute with distilled water to prepare approximately 0.1 N HCl.  

Dilution Formula 

 

Example: 

• To prepare 0.1 N HCl from concentrated (~12 N): 

 

• Dilute to 1000 mL with distilled water.  

1.3 Standardization of HCl 

Primary Standard Used 

• Sodium carbonate (Na₂CO₃)  

Principle 

Sodium carbonate reacts with hydrochloric acid:

 

Procedure 

1. Accurately weigh Na₂CO₃ (primary standard).  

2. Dissolve in distilled water and transfer to a conical flask.  

3. Add methyl orange indicator.  

4. Titrate with prepared HCl until:  

o Color changes from yellow → orange/red  

Calculation 

 

• Calculate exact normality of HCl.  
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End Point 

• Yellow → Orange/Red (methyl orange)  

2. Sodium Hydroxide (NaOH) 

2.1 Nature 

• Strong base  

• Not a primary standard because:  

o Hygroscopic (absorbs moisture)  

o Absorbs CO₂ from air (forms Na₂CO₃)  

2.2 Preparation of NaOH Solution 

Procedure 

1. Weigh approximate amount of NaOH pellets.  

2. Dissolve in distilled water to prepare 0.1 N NaOH.  

3. Store in airtight polyethylene bottle to prevent CO₂ absorption.  

2.3 Standardization of NaOH 

Primary Standard Used 

• Oxalic acid (H₂C₂O₄·2H₂O) 

OR  

• Potassium hydrogen phthalate (KHP)  

Principle 

Oxalic acid reacts with NaOH: 

 

 

Procedure 

1. Weigh oxalic acid accurately.  

2. Dissolve in distilled water.  

3. Add phenolphthalein indicator.  

4. Titrate with NaOH until:  

o Color changes from colorless → pale pink  

Calculation 
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• Calculate exact normality of NaOH.  

End Point 

• Colorless → Pale pink (phenolphthalein)  

ASSAY OF AMMONIUM HYDROXIDE (NH₄OH) 

1. Introduction 

Ammonium hydroxide (NH₄OH) is an aqueous solution of ammonia gas (NH₃) in water. It is a 

weak base widely used in: 

• Pharmaceutical preparations  

• Buffer systems  

• Cleaning and antiseptic formulations  

The assay of ammonium hydroxide is performed to determine its strength (concentration of NH₃). 

2. Principle of Assay 

The assay is based on acid–base neutralization titration using a standard strong acid, typically 

hydrochloric acid (HCl). 

 

 

Reaction involved:  

• Ammonium hydroxide (weak base) reacts with hydrochloric acid (strong acid)  

• Produces ammonium chloride and water  

• The reaction is 1:1 stoichiometric  

3. Titration Type 

• Type: Weak base vs strong acid titration  

• Medium: Aqueous  

• Endpoint: Acidic (pH < 7)  

4. Indicator Used 

Methyl Orange 
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Reason: 

• Endpoint occurs in acidic range (pH 3.1–4.4)  

• Matches equivalence point of weak base–strong acid titration  

Color change: 

• Yellow → Orange/Red  

5. Chemical Theory 

Ammonium hydroxide is a weak base, partially ionized: 

− 

During titration: 

• HCl completely ionizes → provides H⁺ ions  

• NH₄OH reacts gradually  

• At equivalence point:  

o Only NH₄Cl present  

o NH₄⁺ undergoes hydrolysis:  

 

6. Procedure 

1. Take a known volume of ammonium hydroxide solution in a conical flask  

2. Add 2–3 drops of methyl orange indicator  

3. Titrate with standard HCl solution (e.g., 0.1 N HCl)  

4. Continue titration until:  

o Color changes from yellow → orange/red  

5. Note the volume of HCl used  

7. Calculation 

Formula: 

 

Where: 

• N1= Normality of NH₄OH  

• V1 = Volume of NH₄OH  

• N2= Normality of HCl  
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• V2 = Volume of HCl used  

Equivalent Weight 

• NH₄OH = 35 g/mol  

• 1 mole reacts with 1 mole HCl  

• So equivalent weight = 35  

Strength Calculation 

 

8. Precautions 

• Ammonium hydroxide is volatile → keep flask covered  

• Perform titration quickly  

• Avoid loss of NH₃ gas  

• Use freshly prepared solution  

• Standardize HCl before use  

NON-AQUEOUS TITRATIONS 

Non-aqueous titration is a type of acid–base titration carried out in a solvent other than water. It is 

especially useful for substances that are: 

• Very weak acids or bases  

• Poorly soluble in water  

• Not sharply titratable in aqueous medium  

It is widely used in pharmaceutical analysis for drug assay of weak organic bases (alkaloids, 

antihistamines) and weak acids (barbiturates, sulfonamides). 

1. Principle of Non-Aqueous Titration 

The principle is based on Brønsted–Lowry acid–base theory: 

• Acid = proton donor  

• Base = proton acceptor  

In non-aqueous medium, the solvent plays a key role in enhancing acidity/basicity by: 

• Increasing ionization  

• Stabilizing ions formed  

• Shifting equilibrium toward completion  

General Reaction 
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For a base (B): 

 

For an acid (HA): 

 

2. Why Non-Aqueous Titration is Used 

Aqueous titration fails when: 

• Drug is very weak acid/base  

• No sharp endpoint in water  

• Poor solubility in water  

• Hydrolysis occurs  

• pKa/pKb is too high  

 Non-aqueous solvents solve these issues by changing ionization behavior. 

3. Types of Solvents used in Non-Aqueous Titrations 

Solvents are classified into four major types: 

(A) Protic (Proton Donating) Solvents 

Definition 

These solvents can donate protons (H⁺ ions). 

Examples 

• Glacial acetic acid (most important)  

• Formic acid  

• Sulfuric acid (concentrated, in special cases)  

Characteristics 

• Act as weak acids or strong acids depending on medium  

• Increase basicity of weak bases  

• Used mainly for titration of weak bases  

Mechanism 

In glacial acetic acid: 
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Weak bases become stronger due to better protonation: 

 

Uses 

• Assay of:  

o Alkaloids (e.g., atropine)  

o Antihistamines  

o Organic amines  

Advantages 

• Sharp endpoint  

• Enhances weak base strength  

Limitations 

• Not suitable for strong acids  

• Corrosive in nature  

(B) Aprotic (Inert) Solvents 

Definition 

Solvents that neither donate nor accept protons. 

Examples 

• Benzene  

• Chloroform  

• Carbon tetrachloride (CCl₄)  

• Toluene  

Characteristics 

• Do not participate in reaction  

• Only act as medium  

• Do not affect acid–base strength significantly  

Role in Titration 

• Used to dissolve organic compounds  

• Maintain non-polar environment  

• Improve solubility of weak acids/bases  
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Limitations 

• No ionization enhancement  

• Often require co-solvents  

(C) Protolytic (Amphoteric) Solvents 

Definition 

These solvents can both donate and accept protons. 

Examples 

• Water (H₂O)  

• Alcohols (methanol, ethanol)  

• Acetonitrile (slightly amphiprotic behavior)  

Characteristics 

• Self-ionization occurs  

• Can behave as acid or base depending on solute  

Example 

Water: 

 
 

Role in Non-Aqueous Titration 

• Used as co-solvent  

• Controls ionization strength  

• Helps adjust polarity  

Limitation 

• Water can interfere by:  

o Hydrolysis  

o Weak endpoint detection  

(D) Base and Acid Enhancing Solvents 

These are classified based on their ability to modify acid/base strength. 

1. Acidic (Leveling) Solvents 
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Examples: 

• Glacial acetic acid  

• Sulfuric acid  

Function: 

• Enhance strength of weak bases  

• “Level” all bases to similar strength  

2. Basic (Differentiating) Solvents 

Examples: 

• Liquid ammonia (NH₃)  

• Pyridine  

• Dimethylformamide (DMF)  

Function: 

• Enhance acidity of weak acids  

• Help differentiate weak acids  

ACIDIMETRY AND ALKALIMETRY IN NON-AQUEOUS TITRATIONS 

Non-aqueous titrations are widely used in pharmaceutical analysis for weak acids and weak bases 

that cannot be accurately titrated in water. Based on the nature of titrant used, they are classified into: 

• Acidimetry (non-aqueous)  

• Alkalimetry (non-aqueous)  

 

1. Acidimetry in Non-Aqueous Medium 

1.1 Definition 

Acidimetry in non-aqueous titration refers to the estimation of bases using a standard acidic solution 

prepared in a non-aqueous solvent. In simple terms: Base is titrated with non-aqueous acid solution. 

1.2 Principle 

Weak organic bases (B) are poorly protonated in water, but in non-aqueous acidic solvents (like 

glacial acetic acid), their basic strength increases. 

General reaction: 
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Where: 

• B = weak base (drug molecule)  

• HA = non-aqueous acid (e.g., perchloric acid in glacial acetic acid)  

1.3 Common System Used 

Titrant: 

• Perchloric acid (HClO₄) in glacial acetic acid  

Solvent: 

• Glacial acetic acid (most common)  

1.4 Why Glacial Acetic Acid is used? 

• Enhances basicity of weak bases  

• Provides sharp endpoint  

• Acts as a differentiating solvent  

• Stabilizes ions formed  

1.5 Example Reaction 

For an amine (B): 

 
 

1.6 Indicators Used 

• Crystal violet  

• Malachite green  

• Or potentiometric method (more accurate)  

1.7 Applications 

Acidimetry (non-aqueous) is used for: 

• Alkaloids (atropine, quinine)  

• Antihistamines  

• Local anesthetics  

• Organic amines  

1.8 Advantages 

• Accurate for weak bases  

• Sharp endpoint  
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• No hydrolysis interference  

1.9 Disadvantages 

• Use of strong corrosive acids (HClO₄)  

• Moisture sensitive  

• Requires dry conditions  

2. Alkalimetry in Non-Aqueous Medium 

2.1 Definition 

Alkalimetry in non-aqueous titration refers to the estimation of acids using a standard base solution 

prepared in a non-aqueous solvent. In simple terms acid is titrated with non-aqueous base solution. 

2.2 Principle 

Weak acids are poorly dissociated in water, but in basic non-aqueous solvents (like liquid ammonia), 

their acidity increases. 

General reaction: 

 

2.3 Common System Used 

Titrant: 

• Sodium methoxide (NaOCH₃) in methanol 

OR  

• Tetrabutylammonium hydroxide (TBAOH)  

Solvent: 

• Methanol, ethanol, liquid ammonia  

2.4 Why Alcohols are used? 

• Increase acidity of weak acids  

• Reduce dielectric constant → improves reaction clarity  

• Allow better ionization control  

2.5 Example Reaction 

For a weak acid (HA): 
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2.6 Indicators Used 

• Phenolphthalein (in alcoholic medium)  

• Thymolphthalein  

• Potentiometric endpoint preferred  

2.7 Applications 

Alkalimetry (non-aqueous) is used for: 

• Barbiturates (phenobarbital)  

• Sulfonamides  

• Organic carboxylic acids  

• Phenolic compounds  

2.8 Advantages 

• Suitable for very weak acids  

• Sharp endpoint  

• Better solubility in organic medium  

2.9 Disadvantages 

• Moisture sensitive solvents  

• Toxic reagents (e.g., sodium methoxide)  

• Requires dry apparatus  

PREPARATION AND STANDARDIZATION OF ACIDIC TITRANTS 

Acidic titrants are standard solutions of acids with accurately known concentrations, used to 

determine the strength of bases in acid–base titrations. Common acidic titrants include: 

• Hydrochloric acid (HCl)  

• Sulfuric acid (H₂SO₄)  

• Nitric acid (HNO₃)  

• Perchloric acid (HClO₄) (especially in non-aqueous titrations)  

1. Concept of Acidic Titrants 

An acidic titrant is a solution of a strong or weak acid used to neutralize a base: 

 

The equivalence is governed by neutralization: 
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2. Requirements of an Ideal Acidic Titrant 

An ideal acidic titrant should: 

• Be chemically stable  

• Not absorb CO₂ or moisture  

• React stoichiometrically  

• Be easily standardized  

• Have high purity or known composition  

3. Preparation of Acidic Titrants 

Since most acids are not primary standards, they must be prepared approximately and then 

standardized. 

3.1 Preparation of Hydrochloric Acid (HCl) 

Principle 

Concentrated HCl (~36–38%) is diluted to prepare a solution of desired molarity. 

Procedure 

1. Calculate required volume using dilution formula:  

M1V1=M2V2 

2. Take a measured volume of concentrated HCl.  

3. Slowly add it to distilled water (never reverse).  

4. Mix thoroughly and cool.  

5. Transfer to volumetric flask and make up to mark.  

Example 

To prepare 0.1 N HCl: 

• Dilute ~8.5 mL concentrated HCl to 1 L with water.  

3.2 Preparation of Sulfuric Acid (H₂SO₄) 

• Concentrated H₂SO₄ (~98%) is diluted carefully due to exothermic reaction.  

• Always add acid to water slowly with cooling.  

3.3 Preparation of Perchloric Acid (Non-aqueous) 

Used in glacial acetic acid medium. 

Steps: 
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• Dilute perchloric acid with acetic acid.  

• Add acetic anhydride to remove moisture.  

4. Standardization of Acidic Titrants 

Since prepared solutions are not exact, they must be standardized using primary standards. 

4.1 Primary Standards Used 

Common bases used as primary standards: 

• Sodium carbonate (Na₂CO₃)  

• Sodium borate (Borax)  

• Tris(hydroxymethyl)aminomethane (TRIS)  

Properties of primary standards: 

• High purity  

• Stable  

• Non-hygroscopic  

• High molecular weight  

4.2 Standardization of HCl Using Sodium Carbonate 

Reaction 

 

Procedure 

1. Accurately weigh Na₂CO₃ (primary standard).  

2. Dissolve in distilled water.  

3. Add methyl orange indicator.  

4. Titrate with HCl until endpoint (yellow → orange/red).  

5. Record volume of HCl used.  

Calculation 

 

(53 = equivalent weight of Na₂CO₃) 

4.3 Standardization of H₂SO₄ 

Same method as HCl using Na₂CO₃: 
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4.4 Standardization of Perchloric Acid 

Used in non-aqueous titration with: 

• Potassium hydrogen phthalate (KHP)  

Reaction: 

 

Indicator: Crystal violet or potentiometric method 

5. Indicators Used 

Titrant Indicator Color Change 

HCl Methyl orange Yellow → Red 

H₂SO₄ Methyl orange Yellow → Red 

Weak base titration Phenolphthalein Pink → Colorless 

6. Sources of Error 

• Incorrect weighing of primary standard  

• CO₂ absorption  

• Incomplete dissolution  

• Indicator error  

• Temperature variations  

7. Precautions 

• Always use analytical grade reagents  

• Avoid contamination  

• Use freshly boiled and cooled water (CO₂ free)  

• Perform titration near room temperature  

• Rinse burette with titrant before use  

Preparation and Standardization of Basic Titrants 

1. Introduction 

Basic titrants are standard alkaline solutions used in acid-base titrations to determine the 

concentration of acidic substances. The most commonly used basic titrants are: 

• Sodium hydroxide (NaOH)  

• Potassium hydroxide (KOH)  
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• Barium hydroxide [Ba(OH)₂]  

Among these, NaOH is the most widely used. 

2. Properties of Basic Titrants 

Basic titrants (especially NaOH and KOH) have some important characteristics: 

• Strong bases → completely ionize in water  

• React with acids in a neutralization reaction  

• Hygroscopic (absorb moisture from air)  

• Absorb CO₂ from atmosphere, forming carbonates:  

 

Because of this, they cannot be used as primary standards 

3. Requirements of a Good Basic Titrant 

A good basic titrant should: 

• Be chemically stable  

• Not absorb CO₂ easily  

• Have high purity  

• React completely and rapidly with acids  

• Give a sharp endpoint with indicators  

Since NaOH does not fulfill all these, it must be standardized before use 

4. Preparation of Sodium Hydroxide Solution (Approx. 0.1 N) 

Materials Required 

• Sodium hydroxide pellets  

• Distilled water (CO₂-free)  

• Volumetric flask  

• Weighing balance  

Procedure 

1. Weigh approximately 4 g of NaOH pellets  

2. Dissolve in a small quantity of distilled water  

3. Transfer to a 1 L volumetric flask  

4. Make up the volume to 1000 mL with distilled water  

5. Mix thoroughly  

This gives an approximately 0.1 N NaOH solution 
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Precautions 

• Use freshly boiled and cooled water (to remove CO₂)  

• Store in air-tight polyethylene bottles  

• Avoid prolonged exposure to air  

5. Why Standardization is Required 

NaOH solution: 

• Absorbs CO₂ → forms Na₂CO₃  

• Concentration changes over time  

• Cannot be weighed accurately due to hygroscopic nature  

Therefore, its exact concentration must be determined using a primary standard 

6. Primary Standards Used for Standardization 

Common primary standards for basic titrants: 

• Oxalic acid (H₂C₂O₄·2H₂O)  

• Potassium hydrogen phthalate (KHP)  

• Benzoic acid  

Most commonly used: Oxalic acid 

7. Standardization of NaOH using Oxalic Acid 

Principle 

NaOH reacts with oxalic acid in a neutralization reaction: 

 

This is a strong base vs weak acid titration 

Indicator Used 

• Phenolphthalein  

• Endpoint: Colorless → Pale pink  

Procedure 

1. Prepare standard oxalic acid solution (0.1 N)  

2. Pipette 25 mL of oxalic acid into a conical flask  

3. Add 2–3 drops of phenolphthalein  

4. Fill burette with NaOH solution  

5. Titrate until light pink color persists for 30 seconds  
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6. Note the burette reading  

Calculation 

Using normality equation: 

 

Where: 

• N1= Normality of oxalic acid  

• V1= Volume of oxalic acid  

• N2= Normality of NaOH  

• V2= Volume of NaOH  

Rearranged: 

 

8. Standardization using Potassium Hydrogen Phthalate (KHP) 

Reaction 

 

Advantages 

• KHP is highly pure  

• Stable and non-hygroscopic  

• Accurate results  

Indicator 

• Phenolphthalein  

ESTIMATION OF WEAKLY ACIDIC AND BASIC SUBSTANCES USING NON-AQUEOUS 

TITRANTS 

1. Introduction 

Non-aqueous titration is a specialized analytical technique widely used in pharmaceutical analysis 

for the estimation of weakly acidic and weakly basic substances that cannot be accurately titrated in 

aqueous media. Many pharmaceutical compounds exhibit poor dissociation in water due to their weak 

acidic or basic nature, leading to indistinct endpoints, incomplete reactions, and low accuracy in 

conventional aqueous titrations. 



Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory)              Mantra Publication 2026 
 

Praveen Sekar, Dushyant Kumar Mishra, Anil Kumar, Varaganti Sai Chitra Prathyusha, Priyanka Dixit Page 115 
 

To overcome these limitations, non-aqueous solvents are employed to enhance the acidic or basic 

strength of analytes and provide a suitable environment for accurate titration. 

This method is particularly important in the assay of: 

• Alkaloids  

• Amines  

• Weak organic acids  

• Pharmaceutical salts  

2. Principle of Non-Aqueous Titration 

The principle is based on the modification of acid-base behavior of substances in non-aqueous 

solvents. 

In aqueous systems: 

• Weak acids remain undissociated  

• Weak bases show poor protonation  

However, in non-aqueous solvents: 

• Weak acids can behave as strong acids  

• Weak bases can behave as strong bases  

This happens due to: 

• Low dielectric constant of solvents  

• Solvent leveling and differentiating effects  

• Reduced solvation of ions  

Key Concept: 

The solvent either enhances proton donation (acidic solvent) or proton acceptance (basic solvent), 

thereby increasing titration accuracy. 

3. Types of Non-Aqueous Solvents 

Non-aqueous solvents are classified based on their proton-donating or accepting ability: 

3.1 Protogenic (Acidic) Solvents 

• Donate protons  

• Enhance basicity of analytes  

• Example: Glacial acetic acid  

3.2 Protophilic (Basic) Solvents 
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• Accept protons  

• Enhance acidity of analytes  

• Example: Dimethylformamide  

3.3 Amphiprotic Solvents 

• Can both donate and accept protons  

• Example: Methanol  

3.4 Aprotic Solvents 

• Neither donate nor accept protons  

• Example: Benzene  

4. Estimation of Weakly Basic Substances 

4.1 Principle 

Weak bases (e.g., amines) are difficult to titrate in water because they are poorly protonated. In non-

aqueous medium such as glacial acetic acid, they behave as strong bases and react completely with 

strong acids. 

4.2 Reaction Mechanism 

Weak base (B) reacts with perchloric acid: 

 

Here: 

• The base accepts a proton  

• The reaction is sharp and complete  

4.3 Titrant Used 

• Perchloric acid (in glacial acetic acid)  

4.4 Indicator Used 

• Crystal violet  

• Malachite green  

4.5 Procedure (Generalized) 

1. Accurately weigh the sample  

2. Dissolve in glacial acetic acid  

3. Add suitable indicator  

4. Titrate with perchloric acid  
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5. Observe color change (endpoint)  

4.6 Applications 

• Estimation of:  

o Ephedrine  

o Atropine  

o Codeine  

o Other alkaloids  

5. Estimation of Weakly Acidic Substances 

5.1 Principle 

Weak acids (e.g., phenols, carboxylic acids) are not completely ionized in water. In non-aqueous basic 

solvents, their acidity is enhanced, allowing accurate titration. 

5.2 Reaction Mechanism 

Weak acid (HA) reacts with strong base: 

 

5.3 Titrant Used 

• Sodium methoxide  

• Potassium methoxide  

5.4 Solvent Used 

• Methanol  

• Dimethylformamide  

5.5 Indicator Used 

• Phenolphthalein  

• Thymol blue  

5.6 Procedure 

1. Weigh the weak acid sample  

2. Dissolve in suitable non-aqueous solvent  

3. Add indicator  

4. Titrate with sodium methoxide  

5. Detect endpoint by color change  

5.7 Applications 
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• Estimation of:  

o Barbiturates  

o Sulfonamides  

o Phenolic compounds  

6. Role of Solvents in Enhancing Titration 

Solvents play a critical role in non-aqueous titration: 

6.1 Leveling Effect 

Strong acids appear equally strong in a given solvent. 

6.2 Differentiating Effect 

Weak acids/bases can be distinguished due to different dissociation levels. 

6.3 Solvent Properties Affecting Titration 

• Dielectric constant  

• Basicity/acidity  

• Viscosity  

• Ionization capacity  

7. Indicators in Non-Aqueous Titration 

Indicators used must: 

• Be soluble in non-aqueous solvent  

• Show sharp color change  

• Have suitable pKa in that medium  

Examples: 

• Crystal violet (for weak bases)  

• Phenolphthalein (for weak acids)  

8. Advantages of Non-Aqueous Titration 

• Suitable for weak electrolytes  

• Sharp endpoints  

• High accuracy and precision  

• Widely used in pharmacopoeial assays  

9. Limitations 

• Moisture sensitivity  

• Solvent cost  
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• Need for careful handling  

• Indicator limitations  

ESTIMATION OF SODIUM BENZOATE  

1. Introduction  

Sodium benzoate is the sodium salt of Benzoic acid, chemically represented as C₆H₅COONa, and is 

one of the most widely used preservatives in pharmaceutical and food industries. It exhibits 

antimicrobial activity mainly against fungi, yeasts, and certain bacteria, particularly in acidic media 

where it converts into its active form, benzoic acid.  

From an analytical chemistry perspective, sodium benzoate presents a unique challenge in estimation 

because it is a salt of a weak acid and strong base, making it slightly basic in aqueous medium. Due to 

this property, it does not behave like a strong acid or base and therefore cannot be directly titrated 

sharply using conventional aqueous titration methods. The endpoint becomes indistinct due to 

hydrolysis and buffering effects. 

Hence, specialized methods such as: 

• Back titration (acidimetric)  

• Non-aqueous titration  

• Gravimetric and instrumental methods (advanced)  

are used for its accurate determination. 

2. Chemical Nature and Analytical Behavior 

Sodium benzoate undergoes hydrolysis in aqueous solution, producing hydroxide ions and making the 

solution slightly alkaline: 

 

This hydrolysis: 

• Interferes with direct titration  

• Produces a buffer system  

• Leads to gradual pH change instead of sharp equivalence point  

Because of this, direct acid-base titration is unreliable, and alternative analytical strategies are 

employed. 

3. Method 1: Acidimetric Back Titration  
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3.1 Principle  

In this method, sodium benzoate is treated with an excess known quantity of strong acid, typically 

Hydrochloric acid. The benzoate ion reacts completely with the acid to form benzoic acid, which is 

weak and does not interfere further. The key idea is: Instead of directly titrating sodium benzoate, we 

measure how much acid it consumes. The remaining (unreacted) acid is then titrated with a standard 

solution of Sodium hydroxide. 

This indirect approach ensures: 

• Complete reaction  

• Sharp endpoint  

• High accuracy  

3.2 Reaction Mechanism 

Primary Reaction 

 

Here: 

• Benzoate ion acts as a base  

• Accepts proton from HCl  

• Forms benzoic acid  

Secondary Reaction (Back Titration) 

 

3.3 Role of Indicator 

The indicator used is: 

• Phenolphthalein  

It changes: 

• Colorless (acidic) → Pink (basic)  

This indicator is chosen because: 

• The final titration involves strong acid vs strong base  

• Provides a sharp endpoint near pH ~8.2  

3.4 Detailed Procedure (Expanded) 

1. Accurately weigh about 0.5–1 g of sodium benzoate sample  
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2. Transfer into a conical flask  

3. Dissolve in 50–100 mL distilled water  

4. Add a measured excess (e.g., 25 mL) of standard HCl solution  

5. Swirl and allow complete conversion into benzoic acid  

6. Add 2–3 drops of phenolphthalein indicator  

7. Titrate the excess acid with standard NaOH solution  

8. Continue titration until faint pink color persists for 30 seconds  

3.5 Sources of Error 

• Incomplete reaction with HCl  

• Incorrect endpoint detection  

• Carbon dioxide absorption from air  

• Improper standardization  

4. Method 2: Non-Aqueous Titration  

4.1 Principle  

In non-aqueous medium, sodium benzoate behaves differently due to: 

• Reduced solvation  

• Enhanced proton transfer  

• Altered acid-base strength  

In a solvent like Glacial acetic acid, the benzoate ion acts as a stronger base, allowing titration with 

Perchloric acid. 

4.2 Reaction 

 

4.3 Indicator 

• Crystal violet  

Color change: 

• Violet → Green/Blue  

4.4 Procedure (Expanded) 

1. Accurately weigh the sample  

2. Dissolve in glacial acetic acid  

3. Add crystal violet indicator  

4. Titrate with perchloric acid  

5. Observe distinct color change  
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4.5 Advantages 

• Sharp endpoint  

• Suitable for weak acid salts  

• Less interference from water  

4.6 Limitations 

• Requires dry conditions  

• Expensive reagents  

• Sensitive to moisture  

5. Comparison of Methods 

Parameter Back Titration Non-Aqueous Titration 

Accuracy High Very High 

Endpoint Good Sharp 

Complexity Moderate High 

Cost Low High 

6. Pharmaceutical Significance 

Sodium benzoate estimation is crucial in: 

• Syrups and oral liquids  

• Injectable preservatives  

• Food safety analysis  

• Stability studies  

Official methods are included in: 

• Indian Pharmacopoeia  

• British Pharmacopoeia  

• United States Pharmacopeia  

PRECIPITATION TITRATIONS AND GRAVIMETRY 

GRAVIMETRIC ANALYSIS: PRINCIPLE AND DETAILED STEPS  

1. Principle of Gravimetric Analysis 

Gravimetric analysis is one of the most accurate and classical methods of quantitative chemical 

analysis, based on the fundamental principle that the amount of an analyte can be determined by 

converting it into a pure, stable, and insoluble compound of known composition, which is then 

isolated and weighed. 

At its core, gravimetric analysis relies on the law of conservation of mass and stoichiometric 

relationships. The analyte (the substance to be determined) is chemically transformed into a 
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compound whose mass can be measured with high precision. From this measured mass, the amount of 

the original analyte is calculated using known chemical formulas and molar relationships. 

Key Aspects of the Principle: 

• The analyte must be converted into a sparingly soluble precipitate.  

• The precipitate should have:  

o Known and definite chemical composition  

o High purity  

o Low solubility in the solvent  

o Large particle size (to facilitate filtration)  

• The final compound must be:  

o Thermally stable  

o Non-hygroscopic  

o Easily weighable without decomposition  

Types of Gravimetric Analysis: 

1. Precipitation Gravimetry – Involves formation of an insoluble precipitate (most common).  

2. Volatilization Gravimetry – Based on loss of volatile substances.  

3. Electrogravimetry – Involves deposition of analyte via electrolysis.  

Example: 

Estimation of chloride ions by precipitating as silver chloride (AgCl): 

 

The mass of AgCl obtained is used to calculate the amount of chloride ion present. 

2. Steps Involved in Gravimetric Analysis  

Gravimetric analysis involves a sequence of carefully controlled steps to ensure accuracy and 

reproducibility. 

Step 1: Preparation of the Solution 

The sample is first brought into solution by dissolving it in a suitable solvent (usually distilled water 

or acid). 

Important Considerations: 

• Complete dissolution of analyte is essential.  

• Interfering substances should be removed if present.  

• Proper pH conditions must be maintained to favor precipitation.  

Step 2: Precipitation 
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This is the most critical step in gravimetric analysis. 

The analyte is converted into an insoluble compound by adding a suitable precipitating reagent. 

Conditions for Ideal Precipitation: 

• Precipitating reagent should be added slowly with constant stirring.  

• Solution should be dilute and hot to promote formation of larger crystals.  

• Maintain proper pH to ensure selective precipitation.  

• Avoid supersaturation, which leads to colloidal precipitates.  

Example: 

Barium sulfate formation: 

 

Step 3: Digestion of Precipitate 

After precipitation, the mixture is allowed to stand (often at elevated temperature). 

Purpose: 

• Improves crystal size  

• Reduces impurities (occlusion and adsorption)  

• Enhances filterability  

This process is also known as Ostwald ripening, where smaller particles dissolve and redeposit on 

larger ones. 

Step 4: Filtration 

The precipitate is separated from the supernatant liquid using filtration. 

Methods: 

• Filter paper filtration  

• Sintered glass crucible filtration  

• Gooch crucible  

Requirements: 

• Filter medium should not react with precipitate  

• Fine pores to retain small particles  

• Efficient separation without loss  

Step 5: Washing of Precipitate 
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The precipitate is washed with a suitable washing liquid (usually distilled water or electrolyte 

solution). 

Purpose: 

• Removes adhering impurities  

• Eliminates soluble contaminants  

Precautions: 

• Avoid excessive washing (may cause loss due to solubility)  

• Use wash liquids containing volatile electrolytes (e.g., ammonium nitrate)  

Step 6: Drying or Ignition 

The precipitate is dried or ignited to convert it into a stable and weighable form. 

Drying: 

• Performed at 100–120°C  

• Removes moisture  

Ignition: 

• Done at higher temperatures (500–1000°C)  

• Converts precipitate into a stable oxide or compound  

Example: 

 

Step 7: Weighing 

The final product is cooled in a desiccator and weighed using an analytical balance. 

Key Points: 

• Avoid moisture absorption  

• Weigh repeatedly until constant weight is obtained  

• Use clean and calibrated balance  

Step 8: Calculation 

The amount of analyte is calculated using: 

• Molecular weight  

• Stoichiometric relationships  



Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory)              Mantra Publication 2026 
 

Praveen Sekar, Dushyant Kumar Mishra, Anil Kumar, Varaganti Sai Chitra Prathyusha, Priyanka Dixit Page 126 
 

• Gravimetric factor  

Gravimetric Factor Formula: 

 

Final Calculation: 

 

3. Sources of Error in Gravimetric Analysis 

• Co-precipitation (adsorption, occlusion)  

• Post-precipitation  

• Incomplete precipitation  

• Loss during filtration or washing  

• Contamination  

4. Advantages of Gravimetric Analysis 

• High accuracy and precision  

• No need for expensive instruments  

• Absolute method (based on mass)  

5. Limitations 

• Time-consuming  

• Requires careful technique  

• Not suitable for trace analysis  

Gravimetric analysis is a highly reliable and classical quantitative analytical technique based on 

the accurate measurement of mass. Despite the development of modern instrumental methods, it 

remains a gold standard for calibration and validation due to its exceptional precision. Proper 

control of experimental conditions such as precipitation, digestion, filtration, and drying is essential to 

obtain accurate and reproducible results. 

PRECIPITATION TITRATION METHODS (ARGENTOMETRIC METHODS) 

Precipitation titrations using silver nitrate (AgNO₃) are collectively called argentometric methods. 

These are widely used for the determination of halide ions (Cl⁻, Br⁻, I⁻), cyanides, and related anions 

based on the formation of sparingly soluble silver salts. 

The four most important classical methods are: 

• Mohr’s Method  

• Volhard’s Method  
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• Modified Volhard’s Method  

• Fajans Method  

Each method differs in indicator system, reaction conditions, and endpoint detection mechanism. 

1. Mohr’s Method (Chromate Indicator Method) 

Principle 

Mohr’s method is a direct precipitation titration in which chloride or bromide ions are titrated with 

standard silver nitrate solution using potassium chromate (K₂CrO₄) as an indicator. 

Chemical Reactions Involved 

 

Working Principle 

• Initially, Ag⁺ reacts preferentially with Cl⁻ forming white AgCl.  

• After all chloride ions are consumed, excess Ag⁺ reacts with chromate ions to form reddish-

brown silver chromate, indicating the endpoint.  

Conditions Required 

• pH must be neutral to slightly alkaline (pH 6.5–10)  

o In acidic medium → chromate converts to dichromate (Cr₂O₇²⁻), affecting endpoint  

o In alkaline medium → Ag⁺ forms AgOH  

• Solution should be free from:  

o Carbonates  

o Phosphates  

o Other interfering ions  

Procedure (Stepwise) 

1. Prepare sample solution containing chloride ions.  

2. Add a few drops of potassium chromate indicator.  

3. Titrate with standard AgNO₃ solution.  

4. Observe color change:  

o White precipitate → reddish-brown endpoint.  

5. Note volume of titrant used.  

Advantages 
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• Simple and direct method  

• No back titration required  

• Suitable for routine chloride estimation  

Limitations 

• Not suitable in acidic solutions  

• Interference from other anions (e.g., phosphate, arsenate)  

• Endpoint color may be difficult in colored solutions  

2. Volhard’s Method (Thiocyanate Back Titration Method) 

Principle 

Volhard’s method is an indirect (back titration) method used to determine halides in acidic medium, 

using thiocyanate (SCN⁻) and ferric ion (Fe³⁺) as indicator. 

Chemical Reactions 

 

Working Principle 

• Excess known amount of AgNO₃ is added to precipitate all Cl⁻.  

• Remaining (unreacted) Ag⁺ is titrated with standard KSCN.  

• When all Ag⁺ is consumed, excess SCN⁻ reacts with Fe³⁺ to give blood-red complex, 

marking endpoint.  

Conditions Required 

• Strongly acidic medium (HNO₃)  

• Prevents formation of Fe(OH)₃  

• Avoids interference from other ions  

Procedure 

1. Add excess standard AgNO₃ to sample.  

2. Precipitate AgCl completely.  

3. Add nitric acid to maintain acidic medium.  

4. Add ferric ammonium sulfate indicator.  
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5. Titrate excess Ag⁺ with KSCN.  

6. Endpoint: appearance of permanent reddish-brown color.  

Advantages 

• Applicable in acidic solutions  

• Suitable for colored/turbid solutions  

• More accurate than Mohr’s in some cases  

Limitations 

• Requires back titration (more steps)  

• AgCl may adsorb SCN⁻ → error  

• Requires careful technique  

3. Modified Volhard’s Method 

Principle 

This is an improved version of Volhard’s method designed to eliminate errors caused by adsorption 

of thiocyanate on silver chloride precipitate. 

Modification Introduced 

• The precipitated AgCl is filtered off before titration, or  

• A protective agent (e.g., nitrobenzene) is added to coat the precipitate.  

Working Mechanism 

• By removing or masking AgCl:  

o Prevents adsorption of SCN⁻  

o Improves endpoint sharpness  

o Enhances accuracy  

Procedure 

Method 1 (Filtration approach): 

1. Add excess AgNO₃ to sample.  

2. Filter off AgCl precipitate.  

3. Titrate filtrate with KSCN using Fe³⁺ indicator.  

Method 2 (Nitrobenzene approach): 

1. Add nitrobenzene to coagulate AgCl.  

2. Prevents interaction with SCN⁻.  

3. Perform titration normally.  
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Advantages 

• More accurate than classical Volhard’s  

• Eliminates adsorption error  

• Sharper endpoint  

Limitations 

• Additional steps (filtration or reagent addition)  

• Time-consuming  

4. Fajans Method (Adsorption Indicator Method) 

Principle 

Fajans method is a direct titration based on adsorption indicators, where the endpoint is detected by 

color change due to adsorption of indicator onto precipitate surface. 

Indicator Used 

• Fluorescein or its derivatives (e.g., dichlorofluorescein)  

Chemical Reaction 

 

Working Principle 

• During titration:  

o AgCl particles initially adsorb Cl⁻ ions → negatively charged  

• Near endpoint:  

o Excess Ag⁺ ions reverse surface charge → positive  

• Negatively charged indicator ions get adsorbed on surface → color change  

Endpoint Observation 

• Colorless → faint pink  

Conditions Required 

• pH should be slightly alkaline  

• Precipitate must be finely divided  

• Avoid high electrolyte concentration  

Procedure 

1. Add adsorption indicator to sample solution.  
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2. Titrate with AgNO₃.  

3. Observe color change at endpoint (light pink).  

4. Record volume of titrant.  

Advantages 

• No need for back titration  

• Very sensitive endpoint  

• Suitable for dilute solutions  

Limitations 

• Requires clear solution  

• Sensitive to pH and ionic strength  

• Not suitable for strongly colored systems  

These four argentometric methods represent fundamental analytical tools in pharmaceutical and 

chemical analysis. 

• Mohr’s method is simple and widely used for chloride determination.  

• Volhard’s method is versatile and works in acidic medium.  

• Modified Volhard’s method improves accuracy by eliminating adsorption errors.  

• Fajans method offers high sensitivity using adsorption indicators.  

Each method has its own specific applicability, advantages, and limitations, and the choice depends 

on sample nature, required accuracy, and experimental conditions. 

ESTIMATION OF BARIUM AS BARIUM SULPHATE (BASO₄) BY GRAVIMETRIC 

ANALYSIS 

1. Principle 

The gravimetric estimation of barium is based on the quantitative precipitation of barium ions (Ba²⁺) 

as barium sulphate (BaSO₄), which is a highly insoluble, stable, and pure compound. 

When a soluble barium salt (such as barium chloride) is treated with a sulphate source (usually dilute 

sulphuric acid), a dense white precipitate of BaSO₄ is formed: 

 

The precipitate is filtered, washed, ignited, and weighed. From the mass of BaSO₄ obtained, the 

amount of barium present in the original sample is calculated using stoichiometry and gravimetric 

factor. 

2. Reaction Characteristics 

• BaSO₄ is extremely insoluble (Ksp ≈ 1.1 × 10⁻¹⁰)  
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• Forms coarse, crystalline precipitate (favorable for filtration)  

• Thermally stable → suitable for ignition and accurate weighing  

3. Requirements for Ideal Precipitation 

• Precipitation should be carried out in hot, dilute solution  

• Addition of sulphate reagent should be slow with constant stirring  

• Medium should be slightly acidic (HCl) to prevent co-precipitation  

• Avoid excess sulphate ions to minimize contamination  

4. Reagents Required 

• Sample solution containing Ba²⁺  

• Dilute hydrochloric acid (HCl)  

• Dilute sulphuric acid (H₂SO₄) or ammonium sulphate ((NH₄)₂SO₄)  

• Distilled water  

5. Procedure (Step-by-Step Detailed) 

Step 1: Preparation of Sample Solution 

• Accurately weigh the sample containing barium.  

• Dissolve in distilled water.  

• Add a few drops of dilute HCl to acidify the solution.  

Step 2: Precipitation 

• Heat the solution nearly to boiling.  

• Add dilute sulphuric acid slowly with constant stirring.  

• A white precipitate of BaSO₄ forms.  

• Continue stirring and add slight excess of precipitating agent.  

Step 3: Digestion 

• Keep the solution hot (near boiling) for 30–60 minutes.  

• This helps:  

o Increase particle size  

o Reduce impurities (co-precipitation)  

o Improve filterability  

Step 4: Filtration 

• Filter the precipitate using:  

o Ashless filter paper or  

o Sintered glass crucible  

• Ensure complete transfer of precipitate.  

Step 5: Washing 
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• Wash precipitate with hot distilled water.  

• Add small amount of dilute HCl to prevent peptization.  

• Continue washing until free from chloride ions (test with AgNO₃).  

Step 6: Drying and Ignition 

• Transfer filter paper with precipitate into a weighed crucible.  

• Dry and then ignite at 800–900°C.  

• Convert residue into pure BaSO₄.  

• Cool in desiccator.  

Step 7: Weighing 

• Weigh the crucible with BaSO₄.  

• Repeat heating and weighing until constant weight is obtained.  

8. Sources of Error 

• Co-precipitation (adsorption of impurities)  

• Incomplete precipitation  

• Loss during filtration or transfer  

• Improper washing  

• Mechanical loss during ignition  

9. Advantages 

• Highly accurate and reliable  

• BaSO₄ is stable and non-volatile  

• Suitable for standardization  

10. Limitations 

• Time-consuming  

• Requires careful handling  

• Not suitable for trace analysis  

The gravimetric estimation of barium as BaSO₄ is a classical and highly precise analytical method 

widely used in pharmaceutical and inorganic analysis. The accuracy depends on careful control of 

precipitation, digestion, filtration, and ignition steps. Because BaSO₄ is extremely stable and 

insoluble, it provides excellent reproducibility and reliability, making it a standard method in 

analytical chemistry. 

COMPLEXOMETRIC TITRATIONS  

1. Introduction to Complexometric Titrations 

Complexometric titrations are a class of volumetric analytical methods based on the formation of a 

soluble, stable complex between a metal ion (analyte) and a complexing agent (ligand). 
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The most commonly used titrant is Ethylenediaminetetraacetic acid (EDTA), which forms 1:1 stable 

chelates with many metal ions such as Ca²⁺, Mg²⁺, Zn²⁺, and Cu²⁺. 

General Reaction: 

 

2. Basis of Classification 

Complexometric titrations are classified based on: 

• Mode of titration (direct or indirect)  

• Use of auxiliary reagents  

• Reaction pathway  

• Purpose (determination of single ion or mixture)  

3. Classification of Complexometric Titrations 

A. Direct Titration 

Definition 

In direct titration, the metal ion is titrated directly with EDTA solution until complete complex 

formation occurs. 

Principle 

• Metal ion reacts directly with EDTA in a 1:1 molar ratio  

• Endpoint is detected using metal ion indicators  

Indicators Used 

• Eriochrome Black T (EBT)  

• Murexide  

• Calmagite  

These indicators form a weak complex with metal ions and change color when displaced by EDTA. 

Example 

Determination of Ca²⁺ or Mg²⁺: 

 

Conditions 

• Proper pH control (buffer solution)  
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• Indicator should form less stable complex than EDTA  

Advantages 

• Simple and rapid  

• Most commonly used method  

Limitations 

• Not suitable for metals forming weak complexes  

• Interference from other ions  

B. Back Titration 

Definition 

In this method, an excess known amount of EDTA is added to the analyte, and the unreacted 

EDTA is titrated with a standard metal ion solution. 

Principle 

• Used when:  

o Direct titration is slow  

o No suitable indicator is available  

• Excess EDTA reacts with analyte  

• Remaining EDTA is determined  

Example 

Determination of metal ions like Al³⁺, Fe³⁺ 

Steps: 

1. Add excess EDTA  

2. Back titrate with standard Zn²⁺ or Mg²⁺ solution  

Reaction 

 

Advantages 

• Useful for slow reactions  

• Suitable when precipitation occurs  

Limitations 

• More time-consuming  
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• Requires additional standard solution  

C. Displacement (Replacement) Titration 

Definition 

A metal ion that forms a less stable complex with EDTA is displaced by another metal ion forming a 

more stable complex, and the displaced ion is titrated. 

Principle 

• Based on difference in stability constants  

• Stronger metal replaces weaker metal from EDTA complex  

Example 

Determination of Ca²⁺ using Mg-EDTA: 

 

The released Mg²⁺ is titrated with EDTA. 

Advantages 

• Useful when no suitable indicator is available  

• High selectivity  

Limitations 

• Requires careful control  

• Needs knowledge of stability constants  

D. Indirect Titration 

Definition 

In indirect titration, the analyte is not directly titrated with EDTA, but is converted into another form 

that can be titrated. 

Principle 

• Used for:  

o Anions (e.g., sulphate, phosphate)  

• Analyte reacts with metal ion → precipitate  

• Remaining metal ion is titrated with EDTA  

Example 
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Determination of sulphate: 

 

Excess Ba²⁺ is titrated with EDTA. 

Advantages 

• Suitable for non-metal ions  

• Extends applicability of EDTA titration  

Limitations 

• Multi-step process  

• Possibility of errors due to precipitation  

4. Important Factors Affecting Classification 

• pH of solution (controlled by buffers)  

• Stability constant (Kf) of metal-EDTA complex  

• Choice of indicator  

• Presence of interfering ions  

Complexometric titrations are highly versatile and widely used in pharmaceutical, environmental, and 

industrial analysis. Their classification into direct, back, displacement, and indirect methods allows 

analysts to choose the most suitable approach depending on: 

• Nature of analyte  

• Reaction conditions  

• Accuracy required  

Among all, direct titration with EDTA remains the most widely used, while other methods expand its 

applicability to complex analytical situations. 

Metal Ion Indicators – (Complexometric Titrations) 

1. Introduction 

Metal ion indicators are organic dyes used in complexometric titrations (mainly with 

Ethylenediaminetetraacetic acid (EDTA)) to detect the end point. These indicators form weak, colored 

complexes with metal ions, and when EDTA binds the metal ion more strongly, the indicator is 

displaced, producing a distinct color change. 

2. Classification of Metal Ion Indicators 

Metal ion indicators are classified based on their mode of action and chemical behavior: 

A. Metallochromic Indicators 
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• Form colored complexes with metal ions  

• Most widely used in EDTA titrations  

• Show sharp color change at endpoint  

B. Adsorption Indicators 

• Used in precipitation titrations (e.g., argentometric)  

• Color change due to adsorption on precipitate surface  

• Less common in complexometric titrations  

C. Redox Indicators (Special Cases) 

• Involve oxidation-reduction changes  

• Rarely used in EDTA titrations but sometimes applied in metal analysis  

D. Fluorescent Indicators 

• Exhibit fluorescence changes upon binding metal ions  

• Used in specialized or trace analysis  

3. Important Metal Ion Indicators  

Indicator 

Name 
Type 

Metal Ion 

Detected 
pH Range 

Color 

Before 

Endpoint 

Color 

After 

Endpoint 

Remarks 

Eriochrome 

Black T 

(EBT) 

Metallochromic Ca²⁺, Mg²⁺ 

8–10 

(NH₄Cl 

buffer) 

Wine red Blue 

Most 

common 

indicator 

for water 

hardness 

Calmagite Metallochromic Ca²⁺, Mg²⁺ ~10 Red Blue 

More 

stable than 

EBT 

Murexide 

(Ammonium 

purpurate) 

Metallochromic Ca²⁺ 12–13 Pink Purple 
Selective 

for calcium 

Xylenol 

Orange 
Metallochromic 

Al³⁺, Fe³⁺, 

Zn²⁺ 
1–5 Red Yellow 

Works in 

acidic 

medium 

Patton-

Reeder 

Indicator 

Metallochromic 

Ca²⁺ (in 

presence 

of Mg²⁺) 

~12 Pink Blue 

Used for 

calcium 

hardness 

Solochrome 

Dark Blue 
Metallochromic Mg²⁺ ~10 Red Blue 

Similar to 

EBT 

PAN (1-(2-

Pyridylazo)-

2-naphthol) 

Metallochromic Zn²⁺, Cu²⁺ 4–6 Red Yellow 
Sensitive 

indicator 
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Alizarin 

Complexone 
Metallochromic Ca²⁺ ~11 Red Purple 

Used in 

calcium 

estimation 

Dithizone Metallochromic 
Pb²⁺, Zn²⁺, 

Hg²⁺ 
Variable Green Red 

Also used 

in 

extraction 

methods 

Fluorescein Adsorption Ag⁺ Neutral 
Yellow-

green 
Pink 

Used in 

Fajans 

method 

Rhodamine 

B 
Fluorescent 

Various 

metals 
Variable Fluorescent 

Color 

change 

Used in 

trace 

analysis 

4. Key Features of a Good Metal Ion Indicator 

• Should form less stable complex than EDTA  

• Must give sharp and distinct color change  

• Should work at specific pH conditions  

• Must not react irreversibly with metal ions  

• Should be highly sensitive and selective  

5. Mechanism of Indicator Action 

General Reaction 

1. Before titration:  

 

2. During titration:  

 

3. At endpoint:  

• Indicator is released → color changes  

MASKING AND DEMASKING REAGENTS  

1. Introduction 

In complexometric titrations (especially those involving Ethylenediaminetetraacetic acid (EDTA)), 

multiple metal ions may be present in a sample. Since EDTA forms complexes with many metal ions, 

interference becomes a major analytical problem. 
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To overcome this, masking and demasking techniques are employed: 

• Masking → temporarily inactivates interfering ions  

• Demasking → releases masked ions for later determination  

These techniques improve selectivity, accuracy, and stepwise analysis of complex mixtures. 

2. Masking Reagents 

2.1 Definition 

Masking is the process in which an interfering metal ion is converted into a stable, soluble complex 

that does not react with EDTA, thereby preventing it from participating in the titration. In simple 

terms: “Masking hides unwanted metal ions from reacting.” 

2.2 Principle 

• A masking agent forms a more stable complex with the interfering metal ion than EDTA 

does.  

• As a result:  

o The metal ion becomes chemically inactive toward EDTA  

o Only the desired analyte reacts during titration  

2.3 Characteristics of Good Masking Agents 

• Forms highly stable complex with interfering ion  

• Does not affect analyte-metal interaction with EDTA  

• Works under controlled pH conditions  

• Should be selective and reversible (if demasking is required)  

2.4 Types of Masking 

(A) Chemical Masking 

• Formation of stable complexes using reagents  

(B) pH Masking 

• Adjusting pH so certain metals do not react with EDTA  

(C) Precipitation Masking 

• Removing interfering ion as insoluble precipitate  

2.5 Important Masking Reagent 

Masking Reagent Metal Ion Masked Mechanism Remarks 

Cyanide (CN⁻) Zn²⁺, Cd²⁺, Cu²⁺, Hg²⁺ Forms strong cyanide Very effective but 
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complexes toxic 

Fluoride (F⁻) Al³⁺, Fe³⁺ Forms fluoro complexes 
Used in acidic 

medium 

Tartrate Al³⁺, Fe³⁺ Complex formation Mild masking agent 

Citrate Ca²⁺, Mg²⁺, Fe³⁺ Chelation 
Common in biological 

samples 

Triethanolamine 

(TEA) 
Al³⁺, Fe³⁺ Complex formation Widely used 

Ammonia (NH₃) Cu²⁺, Ni²⁺ Ammine complexes pH dependent 

Phosphate Fe³⁺, Al³⁺ Precipitation/complexation Limited use 

2.6 Example of Masking 

Determination of Ca²⁺ in presence of Mg²⁺ 

• Mg²⁺ interferes in EDTA titration  

• Add NaOH → precipitates Mg(OH)₂  

• Ca²⁺ remains in solution and is titrated  

 

3. Demasking Reagents 

3.1 Definition 

Demasking is the process of releasing a masked metal ion from its stable complex, making it available 

again for reaction with EDTA. In simple terms: “Demasking reveals the hidden metal ion.” 

3.2 Principle 

• A demasking agent:  

o Either destroys the masking complex  

o Or binds the masking agent itself  

• This releases the metal ion into free form  

3.3 Characteristics of Good Demasking Agents 

• Selectively breaks specific complexes  

• Does not affect other metal-EDTA complexes  

• Produces sharp endpoint detection  

3.4 Important Demasking Reagents Table 

Demasking Reagent Metal Ion Released Mechanism Remarks 

Formaldehyde 
Zn²⁺ (from CN⁻ 

complex) 
Binds CN⁻ Commonly used 

Acetone 
Cu²⁺ (from CN⁻ 

complex) 
Breaks complex Moderate use 
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Boric acid 
Fluoride complexes 

(Al³⁺) 
Removes F⁻ 

Used in fluoride 

masking 

Hydrogen peroxide 

(H₂O₂) 
Fe²⁺/Fe³⁺ Oxidation Special cases 

Chloral hydrate Zn²⁺ Complex breakdown Analytical use 

3.5 Example of Demasking 

Sequential determination of Zn²⁺ and Mg²⁺ 

1. Add CN⁻ → masks Zn²⁺  

2. Titrate Mg²⁺ with EDTA  

3. Add formaldehyde → releases Zn²⁺  

4. Titrate Zn²⁺ separately  

4. Applications of Masking and Demasking 

• Determination of multiple metal ions in mixture  

• Analysis of:  

o Water hardness  

o Pharmaceutical formulations  

o Biological fluids  

• Selective estimation of:  

o Ca²⁺ in presence of Mg²⁺  

o Zn²⁺ in presence of Cu²⁺  

5. Advantages 

• Increases selectivity of EDTA titration  

• Enables stepwise determination of metals  

• Reduces analytical errors  

6. Limitations 

• Requires careful reagent selection  

• Toxic reagents (e.g., cyanide) may be used  

• Complex procedures  

7. Key Differences Between Masking and Demasking 

Feature Masking Demasking 

Purpose Hide interfering ions Reveal masked ions 

Action Forms stable complex Breaks complex 

Timing Before titration After masking 

Role Improves selectivity Enables sequential analysis 

Masking and demasking are powerful tools in complexometric titrations, allowing accurate analysis 

of mixtures containing multiple metal ions. By selectively controlling the reactivity of ions toward 
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EDTA, these techniques make multi-component analysis possible with high precision, especially in 

pharmaceutical and environmental chemistry. 

PREPARATION AND STANDARDIZATION OF DISODIUM EDTA (Na₂EDTA)  

1. Introduction 

Disodium EDTA (Na₂H₂Y·2H₂O) is the most widely used chelating agent in complexometric 

titrations. It forms stable 1:1 complexes with metal ions regardless of their charge. 

2. Principle 

EDTA reacts with metal ions to form stable chelate complexes: 

 

• Reaction is 1:1 stoichiometric  

• Stability depends on pH  

• Hence, buffer solutions are essential  

3. Preparation of Disodium EDTA Solution 

3.1 Chemicals Required 

• Disodium EDTA (Na₂EDTA·2H₂O)  

• Distilled water  

• Magnesium chloride (optional stabilizer)  

3.2 Preparation of 0.01 M EDTA Solution 

Calculation 

Molecular weight of Na₂EDTA·2H₂O = 372.24 g/mol 

 

3.3 Procedure 

1. Accurately weigh 3.722 g of disodium EDTA.  

2. Transfer into a beaker.  

3. Add about 500 mL distilled water.  

4. Stir until completely dissolved.  

5. Transfer to a 1 L volumetric flask.  

6. Make up the volume to 1000 mL with distilled water.  

7. Store in a polyethylene bottle (not glass for long-term storage).  

3.4 Important Notes 
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• EDTA dissolves slowly → continuous stirring required  

• Slight warming may be used  

• Solution is not a primary standard, hence must be standardized  

4. Standardization of EDTA Solution 

4.1 Principle 

Standardization is done using a standard metal ion solution such as: 

• Zinc sulphate (ZnSO₄)  

• Magnesium sulphate (MgSO₄)  

• Calcium carbonate (CaCO₃)  

Most common: Zinc sulphate or calcium carbonate 

4.2 Indicator Used 

• Eriochrome Black T (EBT) for Mg²⁺/Zn²⁺  

• Murexide for Ca²⁺  

4.3 Buffer Solution 

• Ammonium chloride–ammonium hydroxide buffer (pH 10)  

5. Standardization Using Standard Zinc Solution 

5.1 Reaction 

 

5.2 Procedure 

1. Pipette 25 mL of standard Zn²⁺ solution into conical flask  

2. Add 10 mL buffer (pH 10)  

3. Add 2–3 drops of EBT indicator  

o Solution turns wine red  

4. Titrate with EDTA solution  

5. Endpoint: wine red → blue color change  

6. Record volume of EDTA used  

5.3 Calculation 

 

Where: 

• M1= Molarity of Zn²⁺  
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• V1 = Volume of Zn²⁺  

• M2 = Molarity of EDTA  

• V2 = Volume of EDTA  

6. Standardization Using Calcium Carbonate 

Procedure 

1. Accurately weigh CaCO₃  

2. Dissolve in dilute HCl  

3. Neutralize and add buffer  

4. Add Murexide indicator  

5. Titrate with EDTA  

6. Endpoint: pink → purple  

Reaction 

 

7. End Point Detection 

Indicator Metal Ion Color Change 

EBT Mg²⁺, Zn²⁺ Wine red → Blue 

Murexide Ca²⁺ Pink → Purple 

 

8. Precautions 

• Maintain correct pH (very important)  

• Use fresh indicator solution  

• Avoid contamination with metal ions  

• Perform titration slowly near endpoint  

• Store EDTA properly  

9. Sources of Error 

• Incorrect pH → weak complex formation  

• Indicator instability  

• Presence of interfering ions  

• Improper standardization  

10. Applications 

• Determination of water hardness (Ca²⁺, Mg²⁺)  

• Assay of metal ions in pharmaceuticals  

• Analysis of biological fluids  

• Industrial water analysis  
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Preparation and standardization of disodium EDTA are essential steps in complexometric analysis. 

Since EDTA is a secondary standard, accurate standardization against a known metal ion is critical. 

Proper pH control, indicator selection, and careful titration ensure high precision and reproducibility 

in pharmaceutical and analytical chemistry. 

ESTIMATION OF MAGNESIUM SULPHATE AND CALCIUM GLUCONATE BY 

COMPLEXOMETRIC TITRATION  

Both assays are based on complexometric titration with Ethylenediaminetetraacetic acid (EDTA), 

which forms stable 1:1 complexes with divalent metal ions (Mg²⁺, Ca²⁺). Careful pH control and 

indicator selection give a sharp endpoint. 

A. Estimation of Magnesium Sulphate (MgSO₄) 

1. Principle 

Magnesium ions react with EDTA in alkaline medium (pH ≈ 10) to form a stable chelate: 

 

An indicator such as Eriochrome Black T (EBT) forms a weak wine-red complex with Mg²⁺. At the 

endpoint, EDTA displaces the indicator, giving a blue color. 

2. Reagents Required 

• Standard EDTA solution (≈ 0.05 M or 0.01 M)  

• Ammonium chloride–ammonium hydroxide buffer (pH 10)  

• Eriochrome Black T indicator  

• Distilled water  

3. Procedure (Stepwise Detailed) 

1. Sample preparation  

o Weigh accurately about 0.2–0.3 g of MgSO₄ (or equivalent solution).  

o Dissolve in distilled water and transfer to a conical flask.  

2. Buffer addition  

o Add 10 mL NH₄Cl–NH₄OH buffer to maintain pH ≈ 10.  

3. Indicator addition  

o Add 2–3 drops of EBT indicator  

o Solution becomes wine red  

4. Titration  

o Titrate with standard EDTA solution  

o Endpoint: wine red → pure blue  

5. Record volume of EDTA used (V mL)  

4. Calculation 

Reaction Stoichiometry 
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1 mole MgSO₄ ≡ 1 mole EDTA 

Formula 

 

• Molecular weight of MgSO₄ = 120.37 g/mol  

5. End Point 

• Wine red → Blue  

6. Precautions 

• Maintain correct pH (very important)  

• Avoid interference from Ca²⁺ (use masking if needed)  

• Use fresh indicator  

7. Applications 

• Pharmaceutical assay of MgSO₄  

• Water hardness analysis  

B. Estimation of Calcium Gluconate 

1. Principle 

Calcium gluconate provides Ca²⁺ ions, which react with EDTA in alkaline medium (pH ≈ 12): 

 

Indicator used: Murexide, which gives a pink color with Ca²⁺ and changes to purple at endpoint. 

2. Reagents Required 

• Standard EDTA solution  

• NaOH solution (to maintain pH ≈ 12)  

• Murexide indicator  

• Distilled water  

3. Procedure (Stepwise Detailed) 

1. Sample preparation  

o Weigh accurately calcium gluconate sample (~0.5 g)  

o Dissolve in distilled water  

2. pH adjustment  
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o Add NaOH solution to raise pH to ~12  

3. Indicator addition  

o Add a small amount of Murexide indicator  

o Solution becomes pink  

4. Titration  

o Titrate with EDTA  

o Endpoint: pink → purple  

5. Record volume of EDTA used  

4. Calculation 

Reaction Stoichiometry 

1 mole Ca²⁺ ≡ 1 mole EDTA 

Molecular Weight 

• Calcium gluconate ≈ 430.37 g/mol  

Formula 

 

5. End Point 

• Pink → Purple  

6. Precautions 

• Maintain high pH (~12) for Ca²⁺ selectivity  

• Avoid Mg²⁺ interference (precipitates as Mg(OH)₂)  

• Use minimal indicator  

7. Applications 

• Assay of calcium supplements  

• Pharmaceutical quality control  

REDOX TITRATIONS & CONCEPTS OF OXIDATION AND REDUCTION  

1. Introduction to Redox Reactions 

Redox (reduction–oxidation) reactions are fundamental chemical processes involving transfer of 

electrons between species. These reactions form the basis of many analytical techniques, including 

redox titrations, which are widely used in pharmaceutical and chemical analysis. 

A redox reaction always consists of two simultaneous processes: 
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• Oxidation → Loss of electrons  

• Reduction → Gain of electrons  

These processes cannot occur independently; they are always coupled. 

2. Concepts of Oxidation and Reduction 

2.1 Classical Concept (Electron Transfer Concept) 

• Oxidation: Loss of electrons 

Example: 

Fe²⁺ → Fe³⁺ + e⁻  

• Reduction: Gain of electrons 

Example: 

Cu²⁺ + 2e⁻ → Cu  

In any redox reaction: 

• The substance losing electrons is called the reducing agent  

• The substance gaining electrons is called the oxidizing agent  

2.2 Oxidation Number Concept 

Oxidation and reduction can also be understood in terms of oxidation number (O.N.) changes. 

• Oxidation: Increase in oxidation number  

• Reduction: Decrease in oxidation number  

Example: 

Fe²⁺ → Fe³⁺ 

(O.N. increases from +2 to +3 → oxidation) 

2.3 Oxygen and Hydrogen Concept (Traditional) 

• Oxidation: Addition of oxygen or removal of hydrogen  

• Reduction: Removal of oxygen or addition of hydrogen  

Example: 

• Oxidation: 

2Mg + O₂ → 2MgO  

• Reduction: 

CuO + H₂ → Cu + H₂O  

3. Oxidizing and Reducing Agents 

Oxidizing Agents 
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• Accept electrons  

• Undergo reduction  

• Cause oxidation of another substance  

Examples: 

• KMnO₄ (Potassium permanganate)  

• K₂Cr₂O₇ (Potassium dichromate)  

• H₂O₂  

Reducing Agents 

• Donate electrons  

• Undergo oxidation  

• Cause reduction of another substance  

Examples: 

• Fe²⁺ salts  

• Oxalic acid  

• Sodium thiosulfate  

4. Redox Titrations 

4.1 Definition 

Redox titrations are volumetric analytical methods in which the titration is based on a redox 

reaction between analyte and titrant. 

They are used to determine the concentration of oxidizing or reducing agents. 

4.2 Principle 

The principle of redox titration is based on: 

• Transfer of electrons between analyte and titrant  

• Stoichiometric equivalence at the endpoint  

• Detection using indicators or self-indicating systems  

At the equivalence point: 

Number of electrons lost=Number of electrons gained 

PERMANGANOMETRY  

1. Introduction to Permanganometry 
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Permanganometry is a type of redox titration in which potassium permanganate (KMnO₄) is used as a 

strong oxidizing agent to determine the concentration of reducing substances. It is one of the most 

important volumetric analytical methods used in pharmaceutical analysis, environmental chemistry, 

and industrial quality control. 

The unique feature of permanganometry is that KMnO₄ acts as a self-indicator, eliminating the need 

for an external indicator. The intense purple color of permanganate ion changes during the reaction, 

enabling easy detection of the endpoint. 

2. Principle of Permanganometric Titration 

Permanganometry is based on oxidation-reduction (redox) reactions, where potassium 

permanganate acts as an oxidizing agent and the analyte acts as a reducing agent. 

In an acidic medium, permanganate ion (MnO₄⁻) is reduced to Mn²⁺: 

Core Reaction 

 

• Mn oxidation state decreases from +7 to +2 → reduction  

• The analyte undergoes oxidation  

At equivalence: 

• Total electrons lost = Total electrons gained  

This ensures accurate stoichiometric calculation. 

3. Role of Acidic Medium 

Permanganometric titrations are strictly carried out in acidic conditions, usually using dilute sulfuric 

acid (H₂SO₄). 

Why Acidic Medium is Required: 

• Ensures complete reduction of MnO₄⁻ to Mn²⁺  

• Prevents formation of MnO₂ (brown precipitate)  

• Provides clear and sharp endpoint  

Important Note: 

• Hydrochloric acid (HCl) is avoided because it gets oxidized to chlorine  

• Nitric acid (HNO₃) is avoided due to its oxidizing nature  

4. Self-Indicator Property of KMnO₄ 
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One of the most important features of permanganometry is that no external indicator is required. 

Color Change: 

• KMnO₄ (purple) → Mn²⁺ (colorless)  

• Endpoint: Appearance of permanent light pink color  

The first excess drop of KMnO₄ gives a faint pink color that persists for ~30 seconds, indicating the 

endpoint. 

5. Preparation of KMnO₄ Solution 

KMnO₄ is not a primary standard, so it cannot be used directly without standardization. 

Steps: 

1. Dissolve KMnO₄ crystals in distilled water  

2. Heat gently to remove impurities  

3. Filter to remove MnO₂ particles  

4. Store in dark bottles (light causes decomposition)  

6. Standardization of KMnO₄ 

Since KMnO₄ is a secondary standard, it must be standardized using a primary standard such as 

oxalic acid and sodium oxalate.  

Example Reaction (with Oxalic Acid): 

 

Key Conditions: 

• Reaction is slow at room temperature  

• Must be performed at 60–70°C  

• Requires acidic medium  

7. Procedure of Permanganometric Titration 

General Steps: 

1. Fill burette with standardized KMnO₄ solution  

2. Pipette analyte solution into conical flask  

3. Add dilute H₂SO₄  

4. Heat if required (e.g., oxalate titration)  

5. Titrate with KMnO₄ until faint pink color persists  

8. Types of Reactions in Permanganometry 
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8.1 Oxidation of Ferrous Salts 

Fe²⁺ → Fe³⁺ 

Reaction: 

 

 

8.2 Oxidation of Oxalates 

Used for standardization 

8.3 Oxidation of Hydrogen Peroxide 

H₂O₂ acts as reducing agent 

9. Applications in Pharmaceutical Analysis 

Permanganometry is widely used for: 

• Estimation of ferrous sulfate tablets  

• Determination of hydrogen peroxide content  

• Assay of calcium salts (indirect method)  

• Analysis of reducing drugs  

• Water treatment analysis  

10. Advantages of Permanganometry 

• No external indicator required  

• High oxidizing power  

• Sharp endpoint detection  

• Simple and rapid method  

• Suitable for colored solutions  

11. Limitations and Sources of Error 

• KMnO₄ is unstable in light  

• Requires strict acidic conditions  

• Interference from oxidizable substances  

• Endpoint may be difficult in very dilute solutions  

• Side reactions possible  

12. Precautions 

• Always use freshly standardized KMnO₄  

• Avoid contamination with organic matter  



Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory)              Mantra Publication 2026 
 

Praveen Sekar, Dushyant Kumar Mishra, Anil Kumar, Varaganti Sai Chitra Prathyusha, Priyanka Dixit Page 154 
 

• Maintain proper temperature for oxalate titrations  

• Use only sulfuric acid as acidifying agent  

• Perform titration slowly near endpoint  

CERIMETRY (CERIMETRIC TITRATIONS) 

1. Introduction to Cerimetry 

Cerimetry is a type of redox titration in which cerium(IV) salts (Ce⁴⁺) act as strong oxidizing agents to 

determine reducing substances. The most commonly used reagent is ceric ammonium sulfate, 

(NH4)4Ce(SO4)4, usually prepared in acidic medium (sulfuric acid). 

Cerimetric titrations are widely used in pharmaceutical analysis, especially for drugs that are easily 

oxidizable, because cerium(IV) solutions are more stable and give sharper endpoints compared to 

some other oxidizing agents. 

2. Principle of Cerimetric Titration 

Cerimetry is based on electron transfer reactions where: 

• Ce⁴⁺ (oxidizing agent) gains electrons → reduced to Ce³⁺  

• The analyte loses electrons → oxidized  

Fundamental Reaction 

 

• Cerium changes oxidation state from +4 to +3  

• Each mole of Ce⁴⁺ accepts 1 electron  

At equivalence: 

• Electrons lost by analyte = electrons gained by Ce⁴⁺  

3. Properties of Cerium(IV) as Oxidizing Agent 

Cerium(IV) is a highly effective oxidizing agent due to: 

• High standard reduction potential (~1.44 V)  

• Stability in acidic medium  

• Rapid and complete reactions  

• No formation of troublesome precipitates  

Color Change: 

• Ce⁴⁺ → Yellow  

• Ce³⁺ → Colorless  
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4. Medium Used in Cerimetry 

Cerimetric titrations are carried out in acidic medium, typically: 

• Dilute sulfuric acid (H₂SO₄)  

Why Acidic Medium is Required: 

• Stabilizes Ce⁴⁺ ions  

• Prevents hydrolysis  

• Ensures smooth redox reaction  

Important Note: 

• Hydrochloric acid is avoided (may interfere)  

• Nitric acid may act as oxidant and disturb reaction  

5. Preparation of Ceric Ammonium Sulfate Solution 

Cerium(IV) solution is prepared by dissolving ceric ammonium sulfate in sulfuric acid solution. 

Characteristics: 

• Stable compared to KMnO₄  

• Can be stored for longer periods  

• Does not require filtration like permanganate  

6. Standardization of Cerium (IV) Solution 

Since ceric ammonium sulfate is not a primary standard, it must be standardized. 

Common Primary Standards: 

• Arsenic trioxide (As₂O₃)  

• Sodium oxalate  

• Ferrous ammonium sulfate  

Example Reaction (with Fe²⁺): 

 

7. Indicators Used in Cerimetry 

Unlike permanganometry, cerimetry usually requires external indicators. 
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Common Indicators: 

1. Ferroin Indicator 

• Most widely used  

• Color change:  

o Red → Pale blue  

2. Diphenylamine Sulfonate 

• Used in some specific reactions  

3. N-phenylanthranilic acid 

• Gives sharp endpoint  

8. Procedure of Cerimetric Titration 

General Steps: 

1. Fill burette with standard cerium(IV) solution  

2. Take analyte (reducing agent) in flask  

3. Add sulfuric acid  

4. Add suitable indicator (e.g., ferroin)  

5. Titrate until color change occurs  

9. Types of Reactions in Cerimetry 

9.1 Oxidation of Ferrous Salts 

Fe²⁺ → Fe³⁺ 

9.2 Oxidation of Arsenic Compounds 

As³⁺ → As⁵⁺ 

9.3 Oxidation of Organic Compounds 

Used in pharmaceutical drugs containing oxidizable groups 

10. Applications in Pharmaceutical Analysis 

Cerimetry is widely used for: 

• Assay of ferrous sulfate preparations  

• Determination of arsenic compounds  

• Estimation of vitamin C (ascorbic acid)  

• Analysis of antibiotics and alkaloids  

• Determination of oxidizable drugs  
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11. Advantages of Cerimetry 

• More stable than KMnO₄ solutions  

• No interference from atmospheric CO₂  

• Sharp and clear endpoints  

• Works at room temperature (no heating needed)  

• Suitable for a wide range of substances  

12. Limitations 

• Requires indicator (not self-indicating)  

• Sensitive to impurities  

• Some reactions may be slow  

• Needs controlled acidic conditions  

IODIMETRY & IODOMETRY  

1. Introduction to Iodine-Based Redox Titrations 

Iodimetry and iodometry are two closely related redox titration methods that involve iodine as a key 

reactant. These methods are extensively used in pharmaceutical analysis, food chemistry, and water 

analysis due to their high sensitivity and accuracy. 

• Iodimetry → Direct titration using iodine solution  

• Iodometry → Indirect titration involving liberation of iodine  

Both methods are based on the reversible redox system: 

 

2. Basic Concept of Iodine Redox System 

• Iodine (I₂) acts as a mild oxidizing agent  

• Iodide (I⁻) acts as a reducing agent  

Key Properties: 

• I₂ is sparingly soluble in water but dissolves in KI forming triiodide (I₃⁻)  

• Reaction is reversible and fast  

• Forms a deep blue complex with starch, used as an indicator  

3. Iodimetry (Direct Iodine Titration) 

3.1 Definition 

Iodimetry is a direct titration method in which a standard iodine solution is used to titrate a reducing 

agent. 
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3.2 Principle 

• Iodine acts as an oxidizing agent  

• The analyte (reducing agent) reduces iodine to iodide  

General Reaction: 

3.3 Indicator 

• Starch indicator is used  

• Forms blue-black complex with iodine  

Endpoint: 

• Appearance of permanent blue color  

3.4 Preparation of Iodine Solution 

• I₂ is dissolved in potassium iodide (KI) solution  

• KI increases solubility by forming I₃⁻  

3.5 Standardization 

Iodine solution is standardized using primary standards, such as: 

• Arsenic trioxide  

• Sodium thiosulfate (indirect method)  

3.6 Applications of Iodimetry 

• Estimation of ascorbic acid (Vitamin C)  

• Determination of sulfur dioxide  

• Analysis of reducing sugars  

• Assay of antioxidants  

3.7 Advantages 

• Simple and rapid  

• Highly sensitive  

• Suitable for weak reducing agents  

3.8 Limitations 

• Iodine is volatile  

• Sensitive to light and temperature  

• Requires fresh preparation  

4. Iodometry (Indirect Iodine Titration) 
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4.1 Definition 

Iodometry is an indirect titration method in which an oxidizing agent liberates iodine from iodide, and 

the liberated iodine is titrated with sodium thiosulfate solution. 

4.2 Principle 

1. Oxidizing agent reacts with KI → liberates iodine  

2. Liberated iodine is titrated with Na₂S₂O₃  

 

 

 

4.3 Indicator 

• Starch indicator is used  

Endpoint: 

• Disappearance of blue color (blue → colorless)  

👉 Indicator is added near endpoint, not at the beginning. 

4.4 Titrant Used 

• Sodium thiosulfate (Na₂S₂O₃)  

• Acts as a reducing agent  

4.5 Standardization of Sodium Thiosulfate 

• Done using potassium dichromate or potassium iodate  

4.6 Applications of Iodometry 

• Determination of copper (Cu²⁺)  

• Estimation of chlorine in water  

• Determination of hydrogen peroxide  

• Assay of bleaching powder  

• Oxygen determination (Winkler method)  

4.7 Advantages 

• Highly accurate and reliable  

• Suitable for strong oxidizing agents  

• Sharp endpoint  



Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory)              Mantra Publication 2026 
 

Praveen Sekar, Dushyant Kumar Mishra, Anil Kumar, Varaganti Sai Chitra Prathyusha, Priyanka Dixit Page 160 
 

4.8 Limitations 

• Thiosulfate is unstable  

• Requires careful storage  

• Sensitive to air oxidation  

5. Role of Starch Indicator 

Mechanism 

• Starch forms a deep blue complex with iodine (I₂/I₃⁻)  

• This complex is highly sensitive and visible even at low iodine concentration  

Important Points: 

• Add starch near endpoint  

• At high iodine concentration → irreversible complex formation  

• Best used in cold solutions  

6. Difference Between Iodimetry and Iodometry 

Feature Iodimetry Iodometry 

Type Direct titration Indirect titration 

Titrant Iodine Sodium thiosulfate 

Analyte Reducing agent Oxidizing agent 

Indicator Starch Starch 

Endpoint Appearance of blue color Disappearance of blue color 
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UNIT – 4th  
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ACIDIFIERS  

1. Introduction to Acidifiers 

Acidifiers are substances that increase the acidity (lower the pH) of a medium. In pharmaceutical and 

medical practice, acidifiers are used to restore normal pH, enhance drug absorption, and create an 

unfavorable environment for microbial growth. 

They may act locally (e.g., in the stomach or on the skin) or systemically (affecting the body’s acid–

base balance). 

2. Classification of Acidifiers 

Acidifiers are broadly classified based on their site and purpose of action: 

2.1 Gastric Acidifiers 

• Increase acidity of gastric contents  

• Used in conditions like hypochlorhydria or achlorhydria  

• Help improve digestion and protein breakdown  

Examples: Dilute hydrochloric acid, ammonium chloride 

2.2 Urinary Acidifiers 

• Lower the pH of urine  

• Used to:  

o Enhance excretion of basic drugs  

o Prevent or treat urinary tract infections  

o Dissolve certain types of kidney stones  

Examples: Ammonium chloride, sodium dihydrogen phosphate 

2.3 Systemic Acidifiers 

• Increase systemic acidity (reduce blood pH)  

• Used in metabolic alkalosis  

Examples: Ammonium chloride 

2.4 Topical Acidifiers 

• Applied externally to maintain acidic environment  

• Used for:  

o Skin infections  

o Wound healing  

o Antiseptic purposes  
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Examples: Boric acid, acetic acid 

3. Mechanism of Action 

Acidifiers act by releasing hydrogen ions (H⁺) or generating acids in the body. 

Mechanisms: 

• Direct acid release (e.g., HCl)  

• Metabolic conversion to acids (e.g., ammonium chloride → urea + H⁺)  

• Buffer system modulation  

Increased H⁺ concentration → decreased pH → increased acidity 

4. Ideal Properties of Acidifiers 

An ideal acidifier should: 

• Be safe and non-toxic  

• Produce a predictable and controlled effect  

• Be stable during storage  

• Have rapid onset of action  

• Not cause irritation or damage to tissues  

5. Common Acidifiers and Their Uses 

5.1 Dilute Hydrochloric Acid 

• Used as gastric acidifier  

• Aids digestion in achlorhydria  

5.2 Ammonium Chloride 

• Acts as systemic and urinary acidifier  

• Used in metabolic alkalosis  

5.3 Sodium Dihydrogen Phosphate 

• Used to acidify urine  

• Helps in drug excretion  

5.4 Acetic Acid 

• Used as topical acidifier  

• Effective against bacterial infections  

5.5 Boric Acid 
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• Mild antiseptic and acidifier  

• Used in ophthalmic and dermatological preparations  

6. Pharmaceutical Applications 

Acidifiers are widely used in: 

• Digestive disorders (improving gastric acidity)  

• Urinary tract management (controlling pH)  

• Drug absorption enhancement  

• Infection control (acidic pH inhibits microbial growth)  

• Formulation of pharmaceutical preparations (pH adjustment)  

7. Role in Drug Absorption 

• Weakly basic drugs are better absorbed in acidic medium  

• Acidifiers help maintain optimal pH for:  

o Drug solubility  

o Drug stability  

o Bioavailability  

8. Advantages of Acidifiers 

• Simple and effective  

• Widely applicable  

• Cost-effective  

• Useful in multiple physiological conditions  

9. Limitations and Side Effects 

Limitations: 

• Over-acidification may occur  

• Requires careful dosing  

Side Effects: 

• Gastric irritation  

• Metabolic acidosis (in excess use)  

• Electrolyte imbalance  

10. Precautions 

• Use under medical supervision  

• Monitor pH levels regularly  

• Avoid overdose  

• Consider patient condition (renal function, electrolyte balance)  
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Sodium Acid Phosphate & Dilute Hydrochloric Acid  

1. Sodium Acid Phosphate 

1.1 Introduction 

Sodium acid phosphate (also known as sodium dihydrogen phosphate, NaH₂PO₄) is an acidic salt 

widely used in pharmaceutical formulations as a urinary acidifier, saline laxative, and buffering agent. 

It belongs to the class of inorganic acidifiers and plays an important role in maintaining physiological 

pH balance. 

1.2 Chemical Information 

• Chemical formula: NaH₂PO₄  

• Molecular weight: ~120 g/mol (monohydrate form varies)  

• Nature: Acidic salt  

• Solubility: Freely soluble in water  

• pH: Acidic in aqueous solution  

1.3 Mechanism of Action 

Sodium acid phosphate acts by releasing hydrogen ions (H⁺) when dissolved in water: 

 

The dihydrogen phosphate ion (H₂PO₄⁻) can further release H⁺, contributing to acidity. 

Effects: 

• Lowers urinary pH  

• Promotes acidic environment in biological systems  

1.4 Pharmacological Actions 

(a) Urinary Acidifier 

• Acidifies urine  

• Helps in:  

o Increased excretion of basic drugs  

o Prevention of urinary infections  

(b) Saline Laxative 

• Draws water into the intestine via osmotic action  

• Promotes bowel evacuation  
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(c) Buffering Agent 

• Maintains pH in pharmaceutical formulations  

• Used in injectable and oral preparations  

1.5 Uses 

• Treatment of urinary alkalinity  

• As a bowel evacuant before surgery  

• In phosphate buffer systems  

• In enema formulations  

1.6 Advantages 

• Effective and predictable action  

• Water-soluble and easy to administer  

• Multifunctional (acidifier + laxative + buffer) 

1.7 Side Effects 

• Electrolyte imbalance  

• Dehydration (in high doses)  

• Abdominal cramps  

• Risk of phosphate toxicity  

1.8 Precautions 

• Avoid in renal impairment  

• Use cautiously in elderly patients  

• Monitor electrolyte levels  

• Avoid excessive dosing  

2. Dilute Hydrochloric Acid 

2.1 Introduction 

Dilute hydrochloric acid (HCl) is a strong inorganic acid used as a gastric acidifier to increase the 

acidity of stomach contents. It is particularly useful in conditions where gastric acid secretion is 

deficient. 

2.2 Chemical Information 

• Chemical formula: HCl  

• Nature: Strong acid  

• pH: Very low (highly acidic)  

• Preparation: Dilution of concentrated HCl with water  



Textbook of Pharmaceutical Inorganic and Analytical Chemistry (Theory)              Mantra Publication 2026 
 

Praveen Sekar, Dushyant Kumar Mishra, Anil Kumar, Varaganti Sai Chitra Prathyusha, Priyanka Dixit Page 167 
 

2.3 Mechanism of Action 

Dilute HCl provides free hydrogen ions (H⁺) directly: 

 

Effects: 

• Increases gastric acidity  

• Activates digestive enzymes like pepsin  

• Improves protein digestion  

2.4 Pharmacological Actions 

(a) Gastric Acidifier 

• Restores stomach acidity  

• Used in:  

o Achlorhydria  

o Hypochlorhydria  

(b) Digestive Aid 

• Enhances enzymatic digestion  

• Improves nutrient absorption  

2.5 Uses 

• Treatment of low gastric acid conditions  

• Aid in digestion  

• Sometimes used in pharmaceutical preparations for pH adjustment  

2.6 Advantages 

• Rapid and direct action  

• Highly effective acidifier  

• Mimics natural gastric acid  

2.7 Limitations and Side Effects 

Limitations: 

• Highly corrosive if improperly used  

• Requires careful dilution  

Side Effects: 

• Gastric irritation  
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• Tooth enamel erosion  

• Acid burns (in overdose)  

2.8 Precautions 

• Always administer in diluted form  

• Avoid contact with teeth (use straw if oral)  

• Use under medical supervision  

• Contraindicated in peptic ulcer  

ANTACIDS: IDEAL PROPERTIES & COMBINATIONS  

1. Introduction to Antacids 

Antacids are substances that neutralize excess gastric acid (HCl) in the stomach, thereby increasing 

gastric pH and relieving symptoms such as heartburn, acid indigestion, and hyperacidity. They are 

widely used in the management of peptic ulcer disease, gastroesophageal reflux disease (GERD), and 

dyspepsia. 

General Neutralization Reaction: 

 

2. Classification of Antacids (Brief Overview) 

2.1 Systemic (Absorbable) Antacids 

• Absorbed into systemic circulation  

• May cause systemic alkalosis  

Example: Sodium bicarbonate 

2.2 Non-Systemic (Non-Absorbable) Antacids 

• Act locally in the stomach  

• Safer for long-term use  

Examples: 

• Aluminum hydroxide  

• Magnesium hydroxide  

• Calcium carbonate  
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3. Ideal Properties of Antacids 

An ideal antacid should possess the following characteristics: 

3.1 Rapid Onset of Action 

• Should neutralize gastric acid quickly  

• Provide immediate relief from acidity  

3.2 High Acid-Neutralizing Capacity (ANC) 

• Should neutralize a large amount of acid per unit dose  

• Maintain gastric pH between 3–5  

3.3 Non-Systemic Action 

• Should not be absorbed into systemic circulation  

• Avoids systemic alkalosis and metabolic disturbances  

3.4 No Acid Rebound 

• Should not stimulate excess acid secretion after initial neutralization  

3.5 Minimal Side Effects 

• Should not cause:  

o Constipation  

o Diarrhea  

o Electrolyte imbalance  

3.6 Stable and Non-Toxic 

• Chemically stable during storage  

• Safe for prolonged use  

3.7 Palatable and Acceptable 

• Should have:  

o Pleasant taste  

o Easy administration (liquid/tablet)  

3.8 Does Not Interfere with Digestion 

• Should not inactivate digestive enzymes (like pepsin excessively)  

• Should maintain physiological conditions  

3.9 No Drug Interactions 
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• Should not interfere with absorption of other drugs  

3.10 Cost-Effective 

• Affordable and widely available  

4. Common Problems with Individual Antacids 

 

Antacid Side Effect 

Aluminum hydroxide Constipation 

Magnesium hydroxide Diarrhea 

Calcium carbonate Acid rebound 

Sodium bicarbonate Systemic alkalosis 

Because of these issues, single antacid therapy is rarely ideal 

5. Combinations of Antacids 

5.1 Rationale for Combination 

Antacids are often combined to: 

• Balance side effects  

• Improve acid-neutralizing capacity  

• Provide sustained action  

• Enhance patient compliance  

5.2 Common Antacid Combinations 

5.2.1 Aluminum + Magnesium Combination 

Example: 

• Aluminum hydroxide + Magnesium hydroxide  

Advantages: 

• Aluminum causes constipation  

• Magnesium causes diarrhea  

Combination results in balanced bowel function 

5.2.2 Magnesium + Calcium Combination 

• Provides rapid and sustained action  

• Calcium offers longer duration  
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• Magnesium provides quick relief  

5.2.3 Aluminum + Magnesium + Simethicone 

• Simethicone reduces gas and bloating  

• Used in flatulence with acidity  

5.2.4 Antacid + Alginates 

• Forms a protective gel barrier over stomach contents  

• Prevents acid reflux  

5.2.5 Antacid + Local Anesthetic 

• Example: Oxethazaine combination  

• Provides pain relief in ulcers  

5.3 Ideal Combination Characteristics 

A good antacid combination should: 

• Provide rapid + sustained action  

• Have balanced side effects  

• Maintain optimal gastric pH  

• Improve patient comfort  

6. Examples of Combination Preparations 

• Aluminum hydroxide + Magnesium hydroxide  

• Magnesium hydroxide + Calcium carbonate  

• Aluminum hydroxide + Magnesium trisilicate  

• Antacid + Simethicone formulations  

7. Advantages of Antacid Combinations 

• Improved efficacy  

• Reduced adverse effects  

• Better patient compliance  

• Multi-symptom relief (acidity + gas)  

8. Limitations of Antacid Therapy 

• Short duration of action  

• Frequent dosing required  

• Drug interactions (e.g., tetracyclines, iron)  

• Not suitable for severe acid disorders alone  
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9. Precautions 

• Avoid overuse  

• Monitor in renal patients  

• Separate from other medications (2-hour gap)  

• Use cautiously in elderly 

Sodium Bicarbonate & Aluminium Hydroxide Gel  

1. Sodium Bicarbonate (NaHCO₃) 

1.1 Introduction 

Sodium bicarbonate is a systemic (absorbable) antacid that reacts rapidly with gastric acid to provide 

quick relief from hyperacidity. It is one of the oldest and fastest-acting antacids used in 

pharmaceutical practice. 

1.2 Chemical Information 

• Chemical formula: NaHCO₃  

• Category: Systemic antacid  

• Nature: Mild alkaline salt  

• Solubility: Freely soluble in water  

1.3 Mechanism of Action 

Sodium bicarbonate neutralizes hydrochloric acid in the stomach: 

 

Key Effects: 

• Rapid increase in gastric pH  

• Immediate relief from acidity  

• Release of carbon dioxide (CO₂)  

1.4 Pharmacological Actions 

• Antacid action: Neutralizes gastric acid quickly  

• Systemic alkalinizer: Raises blood pH if absorbed  

• Urinary alkalinizer: Increases urine pH  

1.5 Uses 

• Relief of heartburn and acid indigestion  

• Treatment of metabolic acidosis  

• Urinary alkalinization  
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• Emergency management in acid-base imbalance  

1.6 Advantages 

• Very rapid onset of action  

• Cheap and easily available  

• Effective for quick symptomatic relief  

1.7 Limitations and Side Effects 

Limitations: 

• Short duration of action  

• Not suitable for long-term therapy  

Side Effects: 

• Acid rebound (increased acid secretion later)  

• Flatulence (due to CO₂ release)  

• Metabolic alkalosis  

• Sodium overload (problem in hypertension, heart disease)  

1.8 Precautions 

• Avoid in hypertension and cardiac patients  

• Use cautiously in renal impairment  

• Do not use for prolonged periods  

• Avoid excessive dosing  

2. Aluminium Hydroxide Gel 

2.1 Introduction 

Aluminium hydroxide gel is a non-systemic (non-absorbable) antacid widely used for the treatment of 

hyperacidity, peptic ulcers, and GERD. It acts slowly but provides a prolonged effect. 

2.2 Chemical Information 

• Chemical formula: Al(OH)₃  

• Category: Non-systemic antacid  

• Nature: Weak base  

• Form: Gel (hydrated aluminium oxide)  

2.3 Mechanism of Action 

Aluminium hydroxide reacts with gastric acid: 
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Key Effects: 

• Neutralizes gastric acid gradually  

• Forms protective coating over mucosa  

• Adsorbs pepsin (reduces proteolytic activity)  

2.4 Pharmacological Actions 

• Antacid action: Slow but sustained neutralization  

• Cytoprotective effect: Protects gastric mucosa  

• Phosphate-binding effect: Reduces phosphate absorption  

2.5 Uses 

• Treatment of hyperacidity and GERD  

• Management of peptic ulcer disease  

• Used in chronic kidney disease (to control phosphate levels)  

• Commonly used in antacid combinations  

2.6 Advantages 

• Non-systemic → no systemic alkalosis  

• Long duration of action  

• Provides mucosal protection  

• Safe for long-term use (with caution)  

2.7 Limitations and Side Effects 

Limitations: 

• Slow onset of action  

Side Effects: 

• Constipation  

• Hypophosphatemia (long-term use)  

• May interfere with drug absorption  

2.8 Precautions 

• Avoid long-term use without supervision  

• Monitor phosphate levels  

• Use cautiously in renal failure  

• Maintain gap with other medications  
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AGENTS THAT PROMOTE BOWEL MOVEMENTS (SALINE/OSMOTIC LAXATIVES) 

These agents are commonly referred to as saline cathartics or osmotic laxatives. They promote bowel 

evacuation by retaining water in the intestinal lumen, increasing intestinal volume, and stimulating 

peristalsis. 

1. General Mechanism of Saline Laxatives 

• Poorly absorbed salts remain in the intestine  

• Increase osmotic pressure → water is drawn into lumen  

• Intestinal contents become bulky and fluid  

• Stretching of intestinal wall → stimulates peristalsis  

• Results in rapid bowel evacuation  

2. Magnesium Hydroxide 

2.1 Introduction 

Magnesium hydroxide (Mg(OH)₂) is a widely used saline laxative and also functions as an antacid 

(Milk of Magnesia). 

2.2 Mechanism of Action 

• Reacts partially with gastric acid  

• Remaining Mg²⁺ salts in intestine exert osmotic effect  

• Retains water → softens stool and stimulates bowel movement  

2.3 Uses 

• Treatment of constipation  

• Bowel evacuation before procedures  

• Also used as antacid  

2.4 Advantages 

• Mild and effective  

• Dual action (antacid + laxative)  

• Rapid onset  

2.5 Side Effects 

• Diarrhea  

• Electrolyte imbalance  

• Hypermagnesemia (in renal failure)  

2.6 Precautions 
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• Avoid in renal impairment  

• Use cautiously in elderly  

3. Sodium Orthophosphate 

3.1 Introduction 

Sodium orthophosphate (e.g., sodium phosphate salts) is a powerful saline laxative used for rapid 

bowel evacuation. 

3.2 Mechanism of Action 

• Strong osmotic agent  

• Draws large amount of water into intestine  

• Produces quick and complete evacuation  

3.3 Uses 

• Bowel preparation before surgery or colonoscopy  

• Severe constipation  

3.4 Advantages 

• Fast acting  

• Highly effective  

3.5 Side Effects 

• Electrolyte imbalance (hyperphosphatemia)  

• Dehydration  

• Abdominal cramps  

3.6 Precautions 

• Avoid in kidney disease  

• Monitor electrolyte levels  

• Not for routine use  

4. Sodium Potassium Tartrate 

4.1 Introduction 

Sodium potassium tartrate (Rochelle salt) is a saline cathartic used to promote bowel evacuation. 

4.2 Mechanism of Action 

• Acts osmotically  
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• Retains fluid in intestine  

• Stimulates peristalsis  

4.3 Uses 

• Treatment of constipation  

• Occasionally used in bowel preparation  

4.4 Advantages 

• Effective osmotic laxative  

• Simple and economical  

4.5 Side Effects 

• Diarrhea  

• Electrolyte disturbances  

• Abdominal discomfort  

4.6 Precautions 

• Avoid overuse  

• Use cautiously in cardiac and renal patients  

5. Magnesium Trisilicate 

5.1 Introduction 

Magnesium trisilicate is primarily an antacid, but also has mild laxative properties due to magnesium 

content. 

5.2 Mechanism of Action 

• Reacts slowly with gastric acid  

• Magnesium salts formed exert osmotic laxative effect  

• Also forms protective coating on gastric mucosa  

5.3 Uses 

• Treatment of hyperacidity  

• Mild constipation (secondary effect)  

5.4 Advantages 

• Dual action (antacid + laxative)  

• Slow and prolonged effect  

5.5 Side Effects 
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• Diarrhea (mild)  

• Silica accumulation (rare, long-term use)  

5.6 Precautions 

• Avoid prolonged use  

• Use carefully in renal patients  

6. Comparison Table  

Agent Strength Onset Main Use Key Side Effect 

Magnesium 

hydroxide Moderate Fast Constipation Diarrhea 

Sodium 

orthophosphate 
Strong Very fast Bowel prep 

Electrolyte 

imbalance 

Sodium potassium 

tartrate 
Moderate Moderate Constipation Diarrhea 

Magnesium 

trisilicate 
Mild Slow Antacid + laxative Mild diarrhea 

 

 

ANTIMICROBIALS: MECHANISM, CLASSIFICATION & IMPORTANT AGENTS  

1. Introduction to Antimicrobials 

Antimicrobials are substances that kill (microbicidal) or inhibit (microbistatic) the growth of 

microorganisms such as bacteria, fungi, viruses, and protozoa. In pharmaceutical inorganic chemistry, 

these are mainly used as antiseptics and disinfectants. 

• Antiseptics → applied on living tissues  

• Disinfectants → used on inanimate objects  

2. Mechanism of Action of Antimicrobials 

Antimicrobials act through multiple mechanisms depending on their chemical nature: 

2.1 Oxidation Mechanism 

• Release nascent oxygen or oxidizing species  

• Oxidize cellular components → cell death  
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Examples: Potassium permanganate, hydrogen peroxide 

2.2 Protein Coagulation / Denaturation 

• Denature microbial proteins  

• Disrupt enzyme systems  

Examples: Boric acid, alcohols 

2.3 Halogenation 

• Halogens react with proteins and enzymes  

• Cause irreversible microbial damage  

Examples: Iodine, chlorine compounds 

2.4 Cell Membrane Disruption 

• Damage lipid membrane → leakage of cell contents  

2.5 Enzyme Inhibition 

• Interfere with metabolic pathways  

3. Classification of Antimicrobials (Inorganic) 

3.1 Oxidizing Agents 

• Potassium permanganate  

• Hydrogen peroxide  

3.2 Halogens and Halogen Compounds 

• Iodine  

• Chlorine compounds (chlorinated lime)  

3.3 Acids and Acidifiers 

• Boric acid  

3.4 Heavy Metal Compounds  

• Silver nitrate (not in your list but classically included)  

4. Important Antimicrobial Agents 
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4.1 Potassium Permanganate (KMnO₄) 

Introduction 

A strong oxidizing agent used as an antiseptic and disinfectant. 

Mechanism 

• Releases oxygen in solution  

• Oxidizes proteins and enzymes  

 

Uses 

• Wound cleaning  

• Skin infections (fungal, eczema)  

• Water purification  

Advantages 

• Broad-spectrum antimicrobial  

• Effective deodorizing agent  

Limitations 

• Stains skin and clothes  

• Can cause irritation in high concentration  

4.2 Boric Acid (H₃BO₃) 

Introduction 

A weak acid used as a mild antiseptic. 

Mechanism 

• Coagulates microbial proteins  

• Alters enzyme activity  

Uses 

• Eye washes  

• Skin infections  

• Dusting powders  

Advantages 
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• Mild and safe  

• Suitable for sensitive tissues  

Limitations 

• Weak antimicrobial action  

• Toxic if absorbed in large amounts  

4.3 Hydrogen Peroxide (H₂O₂) 

Introduction 

A powerful oxidizing antimicrobial agent widely used for wound cleaning. 

Mechanism 

 

• Releases nascent oxygen  

• Effervescence helps remove debris  

Uses 

• Wound cleansing  

• Oral antiseptic (dilute)  

• Disinfectant  

Advantages 

• Mechanical cleaning action (bubbling)  

• Non-staining  

Limitations 

• Short duration of action  

• Tissue irritation at high concentration  

4.4 Chlorinated Lime (Bleaching Powder) 

Introduction 

Chlorinated lime (CaOCl₂) is a chlorine-releasing disinfectant. 

Mechanism 
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• Hypochlorous acid (HOCl) releases chlorine  

• Strong oxidizing and halogenating agent  

Uses 

• Water disinfection  

• Sanitation  

• Waste treatment  

Advantages 

• Cheap and effective  

• Strong disinfectant  

Limitations 

• Unstable (loses chlorine on storage)  

• Irritating odor  

4.5 Iodine and Its Preparations 

Introduction 

Iodine is a potent halogen antimicrobial agent with broad-spectrum activity. 

Mechanism 

• Iodination of proteins  

• Oxidation of cellular components  

Preparations of Iodine 

(a) Tincture of Iodine 

• Iodine in alcohol  

• Used for skin disinfection  

(b) Lugol’s Iodine Solution 

• Iodine + potassium iodide in water  

• Used in medical and laboratory applications  

(c) Iodophors (e.g., povidone-iodine) 

• Complex of iodine with carrier  
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• Slow release of iodine → less irritation  

Uses 

• Wound antiseptic  

• Pre-surgical skin preparation  

• Treatment of infections  

Advantages 

• Broad-spectrum (bacteria, fungi, viruses)  

• Rapid action  

Limitations 

• Skin irritation  

• Staining  

• Hypersensitivity reactions 

RADIOPHARMACEUTICALS  

1. Introduction to Radiopharmaceuticals 

Radiopharmaceuticals are medicinal formulations that contain radioactive isotopes (radionuclides) 

and are used for diagnosis and therapy in various diseases. These agents emit radiation that can be 

detected externally or used to destroy diseased tissues. 

They play a central role in modern medical specialties such as Nuclear Medicine, where imaging and 

targeted therapy are performed using radioactive compounds. 

2. Components of Radiopharmaceuticals 

A typical radiopharmaceutical consists of two main components: 

2.1 Radionuclide 

• Radioactive isotope responsible for radiation emission  

• Determines diagnostic or therapeutic utility  

2.2 Carrier Molecule 

• Biologically active compound  

• Directs the radionuclide to a specific organ or tissue  

Example: Technetium-99m attached to a phosphate compound targets bone. 
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3. Ideal Properties of Radiopharmaceuticals 

An ideal radiopharmaceutical should have: 

• Appropriate half-life (not too long or too short)  

• Specific target organ localization  

• Rapid clearance from non-target tissues  

• Minimal toxicity  

• Stable chemical form  

• Suitable type of radiation emission  

4. Types of Radiation Emitted 

4.1 Alpha (α) Radiation 

• Heavy particles  

• Low penetration, high energy  

• Used in targeted therapy  

4.2 Beta (β) Radiation 

• Moderate penetration  

• Used in therapeutic applications  

4.3 Gamma (γ) Radiation 

• High penetration  

• Used in diagnostic imaging  

5. Classification of Radiopharmaceuticals 

5.1 Diagnostic Radiopharmaceuticals 

Used for imaging and organ function studies 

Common Examples: 

• Technetium-99m  

• Iodine-123  

• Fluorine-18  

5.2 Therapeutic Radiopharmaceuticals 

Used for treatment of diseases 
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Examples: 

• Iodine-131 → thyroid disorders  

• Strontium-89 → bone pain in cancer  

• Yttrium-90 → cancer therapy  

6. Mechanism of Action 

Radiopharmaceuticals act by: 

6.1 Diagnostic Action 

• Emit gamma radiation  

• Detected using imaging devices like gamma cameras  

• Provide functional and anatomical information  

6.2 Therapeutic Action 

• Emit alpha or beta radiation  

• Destroy diseased or cancerous cells  

• Minimal effect on surrounding tissues (targeted therapy)  

7. Routes of Administration 

• Intravenous (most common)  

• Oral (e.g., iodine for thyroid)  

• Inhalation (lung studies)  

• Local injection (specific targeting)  

8. Applications in Medicine 

8.1 Diagnostic Applications 

• Imaging of heart, liver, kidney, brain  

• Detection of tumors and infections  

• Bone scanning  

Example: 

• Positron Emission Tomography using Fluorine-18  

8.2 Therapeutic Applications 

• Treatment of thyroid disorders (hyperthyroidism, cancer)  

• Cancer therapy  

• Pain relief in bone metastasis  
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9. Advantages of Radiopharmaceuticals 

• Non-invasive diagnostic method  

• High sensitivity  

• Early disease detection  

• Target-specific therapy  

• Minimal systemic side effects  

10. Limitations and Risks 

• Radiation exposure  

• Short shelf life (due to decay)  

• Requires specialized handling  

• Expensive equipment 

BASICS OF RADIOACTIVITY  

Radioactivity is a natural phenomenon in which unstable atomic nuclei spontaneously disintegrate 

to attain a more stable state by emitting radiation in the form of particles or electromagnetic waves. 

This process was first discovered by Henri Becquerel in 1896 while studying uranium salts, and later 

extensively investigated by Marie Curie and Pierre Curie. The study of radioactivity forms the 

foundation of nuclear chemistry and plays a crucial role in medical, industrial, and research 

applications. 

Atoms consist of a nucleus containing protons and neutrons, surrounded by electrons. When the ratio 

of neutrons to protons in the nucleus is not optimal, the nucleus becomes unstable. To achieve 

stability, it undergoes radioactive decay, releasing excess energy. This emitted energy is called 

radiation, and the process is entirely spontaneous, meaning it does not require any external trigger 

such as heat, light, or pressure. 

There are three primary types of radioactive emissions. Alpha (α) particles are heavy, positively 

charged particles consisting of two protons and two neutrons. They have low penetration power and 

can be stopped by a sheet of paper or even the outer layer of human skin. Beta (β) particles are high-

speed electrons or positrons emitted from the nucleus; they have moderate penetration and can pass 

through paper but are stopped by thin metal sheets such as aluminum. Gamma (γ) rays are high-

energy electromagnetic waves with no mass or charge. They possess very high penetration power and 

require dense materials like lead or concrete for shielding. 

Radioactive decay follows a characteristic rate described by the half-life, which is the time required 

for half of the radioactive nuclei in a sample to decay. Each radioactive isotope has a fixed half-life, 

ranging from fractions of a second to thousands of years. This property is independent of external 

conditions such as temperature or pressure, making radioactivity a reliable tool in scientific 

measurements and dating techniques. 

The process of radioactive decay can involve different transformations. In alpha decay, the nucleus 

emits an alpha particle, resulting in a decrease in atomic number by two units and mass number by 

four units. In beta decay, a neutron is converted into a proton (or vice versa), leading to a change in 
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atomic number without affecting the mass number significantly. In gamma decay, the nucleus 

releases excess energy in the form of gamma radiation without changing its atomic number or mass 

number. 

Radioactivity has significant applications in modern science and medicine. It is widely used in 

diagnostic imaging and cancer therapy under the field of Nuclear Medicine. Radioisotopes are also 

employed in radiocarbon dating, industrial radiography, sterilization of medical equipment, and 

research studies. Despite its usefulness, radioactivity poses potential health hazards due to its ionizing 

nature, which can damage biological tissues. Therefore, strict safety measures, including shielding, 

controlled exposure, and proper handling, are essential when working with radioactive materials. 

In summary, radioactivity is a fundamental nuclear process involving the emission of radiation from 

unstable nuclei. It is characterized by spontaneous decay, different types of emissions, and a definite 

half-life. Understanding the basics of radioactivity is essential for its safe and effective application in 

science, medicine, and technology. 

APPLICATIONS OF IMPORTANT RADIOISOTOPES & SAFETY OF 

RADIOPHARMACEUTICALS 

1. Introduction 

Radioisotopes are unstable nuclei that emit radiation and are widely used in diagnosis, therapy, and 

research. Their applications depend on type of radiation, half-life, and tissue selectivity. In 

pharmaceutical and medical sciences, they are used under the field of Nuclear Medicine. 

2. Applications of Specific Radioisotopes 

2.1 Sodium Iodide (NaI) – General Use 

Sodium iodide is commonly used as a carrier for radioactive iodine isotopes, especially in thyroid 

studies. 

Applications: 

• Thyroid function tests  

• Measurement of iodine uptake  

• Diagnostic imaging of thyroid gland  

It helps in studying iodine metabolism in the body. 

2.2 Iodine-131 

Type: 

• Beta and gamma emitter  
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Applications: 

(a) Thyroid Disorders 

• Treatment of hyperthyroidism  

• Management of thyroid cancer  

(b) Diagnostic Use 

• Thyroid uptake studies  

• Imaging of thyroid gland  

I-131 accumulates selectively in the thyroid, making it highly effective. 

2.3 Technetium-99m 

Type: 

• Gamma emitter  

Applications: 

(a) Diagnostic Imaging 

• Most widely used radioisotope in medicine  

• Used in:  

o Bone scans  

o Cardiac imaging  

o Brain imaging  

o Kidney function tests  

(b) Organ Function Studies 

• Provides functional imaging rather than just structure  

Ideal due to short half-life (~6 hours) and low radiation dose. 

2.4 Cobalt-60 

Type: 

• Gamma emitter  

Applications: 

(a) Cancer Radiotherapy 

• Used in external beam radiotherapy  

• Destroys cancer cells  
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(b) Sterilization 

• Sterilization of medical equipment  

• Food irradiation  

2.5 Phosphorus-32 

Type: 

• Beta emitter  

Applications: 

(a) Blood Disorders 

• Treatment of polycythemia vera  

(b) Cancer Therapy 

• Used in certain malignancies  

(c) Research 

• Used as tracer in biochemical studies (DNA, metabolism)  

3. Safe Handling of Radiopharmaceuticals 

Handling of radiopharmaceuticals requires strict precautions to minimize radiation exposure. 

3.1 General Principles 

• Follow ALARA principle (As Low As Reasonably Achievable)  

• Minimize:  

o Time of exposure  

o Maximize distance  

o Use shielding  

3.2 Protective Measures 

• Use of lead shields and containers  

• Wear protective clothing (gloves, lab coats)  

• Use radiation monitoring badges  

• Work in designated radiation areas  

4. Storage of Radiopharmaceuticals 

Proper storage is essential to maintain safety and stability. 
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Guidelines: 

• Store in lead-lined containers  

• Keep in designated radiation storage areas  

• Label clearly with:  

o Radioisotope name  

o Activity  

o Date  

• Maintain proper temperature and shielding conditions  

5. Disposal of Radiopharmaceuticals 

Radioactive waste must be disposed safely to avoid environmental contamination. 

5.1 Methods of Disposal 

(a) Decay Storage 

• Store until radioactivity decreases to safe level  

(b) Dilution and Disposal 

• Dilute and discharge as per guidelines  

(c) Authorized Disposal 

• Hand over to licensed radioactive waste management agencies  

5.2 Waste Types 

• Solid waste (gloves, syringes)  

• Liquid waste  

• Sharps  

6. Regulatory Guidelines for Safety 

Handling and use of radiopharmaceuticals are governed by strict regulations. 

6.1 Key Regulatory Aspects 

• Licensing of facilities  

• Training of personnel  

• Radiation monitoring  

• Waste disposal protocols  

6.2 Safety Organizations 
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• International Atomic Energy Agency  

• Atomic Energy Regulatory Board (AERB)  

These organizations set standards for safe use of radioactive materials. 

7. Advantages of Radioisotopes in Medicine 

• Early disease detection  

• Targeted therapy  

• Non-invasive diagnosis  

• High sensitivity  

8. Risks and Precautions 

Risks: 

• Radiation exposure  

• Tissue damage  

• Environmental contamination  

Precautions: 

• Controlled use  

• Proper shielding  

• Monitoring exposure levels  
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EXPECTORANTS: POTASSIUM IODIDE & AMMONIUM CHLORIDE  

1. Introduction to Expectorants 

Expectorants are agents that facilitate the removal of mucus (sputum) from the respiratory tract by 

either increasing bronchial secretions or reducing the viscosity of mucus. They are commonly used in 

conditions such as cough, bronchitis, and respiratory infections. 

Mechanism (General): 

• Increase fluid content of secretions  

• Reduce mucus thickness (viscosity)  

• Enhance ciliary movement  

• Promote expulsion of sputum  

2. Potassium Iodide (KI) 

2.1 Introduction 

Potassium iodide is an inorganic expectorant that increases bronchial secretions and helps in clearing 

thick mucus. 

2.2 Chemical Information 

• Formula: KI  

• Nature: Highly water-soluble salt  

• Category: Saline expectorant  

2.3 Mechanism of Action 

• KI is absorbed into the bloodstream  

• Excreted through respiratory tract glands  

• Irritates mucous glands → increases secretion  

Result: 

• Liquefaction of thick sputum  

• Easier expectoration  

2.4 Pharmacological Actions 

• Increases bronchial secretion  

• Reduces viscosity of mucus  

• Facilitates removal of sputum  

2.5 Uses 
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• Chronic bronchitis  

• Asthma (with thick mucus)  

• Respiratory congestion  

• Fungal infections (in specific cases like sporotrichosis)  

2.6 Advantages 

• Effective in thick, tenacious sputum  

• Rapid action  

• Simple and economical  

2.7 Side Effects 

• Iodism (chronic iodine toxicity):  

o Metallic taste  

o Salivation  

o Skin rashes  

• Gastrointestinal irritation  

• Thyroid disturbances  

2.8 Precautions 

• Avoid in thyroid disorders  

• Use cautiously in pregnancy  

• Monitor for signs of iodism  

• Avoid prolonged use  

3. Ammonium Chloride (NH₄Cl) 

3.1 Introduction 

Ammonium chloride is a saline expectorant that also acts as a systemic and urinary acidifier. It is 

commonly used in cough preparations. 

3.2 Chemical Information 

• Formula: NH₄Cl  

• Nature: Acidic salt  

• Category: Expectorant + acidifier  

3.3 Mechanism of Action 

• Absorbed into bloodstream  

• Metabolized in liver → produces acids  

• Excreted via lungs  

Irritates bronchial mucosa → increases fluid secretion 
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Result: 

• Dilution of mucus  

• Easier expulsion  

3.4 Pharmacological Actions 

• Expectorant action  

• Systemic acidification  

• Urinary acidification  

3.5 Uses 

• Productive cough  

• Bronchitis  

• Respiratory congestion  

• Sometimes used in metabolic alkalosis  

3.6 Advantages 

• Effective expectorant  

• Multi-purpose drug (acidifier + expectorant)  

• Widely used in cough syrups  

3.7 Side Effects 

• Gastric irritation  

• Nausea and vomiting  

• Metabolic acidosis (high doses)  

3.8 Precautions 

• Avoid in liver disease  

• Use cautiously in renal impairment  

• Monitor acid-base balance  

• Avoid overdose  

EMETICS: COPPER SULPHATE & SODIUM POTASSIUM TARTRATE 

1. Introduction to Emetics 

Emetics are agents that induce vomiting. Historically, they were used to remove ingested poisons 

from the stomach. Their action is mainly through: 

• Local irritation of gastric mucosa → reflex vomiting  

• (Less commonly) central stimulation of the vomiting center  
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Modern practice has largely abandoned routine use of emetics in poisoning due to risk of aspiration 

and better alternatives (e.g., activated charcoal, supportive care). Use only under medical supervision. 

2. Copper Sulphate (CuSO₄) 

2.1 Introduction 

A blue crystalline salt, formerly used as a powerful emetic due to its strong gastric irritant action. 

2.2 Mechanism of Action 

• Acts locally on the gastric mucosa  

• Causes irritation → stimulates vagal reflex → vomiting  

• No significant central action  

2.3 Pharmacological Actions 

• Emetic (primary)  

• Mild astringent  

• Historically had antimicrobial uses (now obsolete in this context)  

2.4 Uses (Historical/Restricted) 

• Previously used in acute poisoning to induce vomiting  

• Now rarely used due to toxicity concerns  

2.5 Advantages (Historical) 

• Rapid and reliable emetic effect  

2.6 Limitations & Toxicity 

• Highly irritant and corrosive  

• Can cause:  

o Severe gastritis and abdominal pain  

o Hemolysis and renal damage (systemic toxicity)  

o Risk of copper poisoning  

• Narrow safety margin → not preferred today  

2.7 Precautions 

• Avoid in children, elderly, and debilitated patients  

• Contraindicated in corrosive ingestion or risk of aspiration  

• Use only in controlled settings  
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3. Sodium Potassium Tartrate (Rochelle Salt) 

3.1 Introduction 

A double salt (NaKC₄H₄O₆) used as a milder emetic and more commonly as a saline cathartic 

(laxative). 

3.2 Mechanism of Action 

• Mild gastric irritation → induces vomiting (emetic effect)  

• Also exerts osmotic action in intestine → cathartic effect  

3.3 Pharmacological Actions 

• Emetic (mild)  

• Saline laxative (prominent effect)  

3.4 Uses 

• Historically used as emetic in poisoning  

• Currently used mainly as a laxative  

• Occasionally in bowel preparation (older practice)  

3.5 Advantages 

• Less irritant than copper sulphate  

• Dual action (emetic + laxative)  

3.6 Side Effects 

• Diarrhea  

• Abdominal cramps  

• Electrolyte imbalance (with excessive use)  

3.7 Precautions 

• Avoid overuse  

• Caution in renal or cardiac patients  

• Maintain hydration and electrolyte balance  

HAEMATINICS: FERROUS SULPHATE & FERROUS GLUCONATE 

1. Introduction to Haematinics 

Haematinics are agents that increase the hemoglobin (Hb) level and improve the oxygen-carrying 

capacity of blood. They are primarily used in the treatment and prevention of iron-deficiency anemia, 

the most common nutritional anemia.  
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These agents supply essential factors for erythropoiesis (RBC formation), especially iron, which is a 

key component of hemoglobin. 

2. Role of Iron in the Body 

• Essential for hemoglobin synthesis  

• Required for oxygen transport  

• Involved in cellular respiration and enzyme systems  

• Stored as ferritin and hemosiderin  

Daily requirement increases in: 

• Pregnancy  

• Growth (children)  

• Blood loss conditions  

3. Ferrous Sulphate (FeSO₄) 

3.1 Introduction 

Ferrous sulphate is the most commonly used oral iron preparation due to its high bioavailability and 

low cost. 

3.2 Chemical Information 

• Formula: FeSO₄  

• Usually available as ferrous sulphate heptahydrate  

• Contains ~20% elemental iron  

3.3 Mechanism of Action 

• Provides Fe²⁺ ions, which are readily absorbed in the duodenum and upper jejunum  

• Iron is incorporated into hemoglobin, myoglobin, and enzymes  

• Enhances RBC production 

3.4 Pharmacological Actions 

• Increases hemoglobin level  

• Promotes erythropoiesis  

• Restores iron stores  

3.5 Uses 

• Treatment of iron-deficiency anemia  

• Prevention in:  

o Pregnancy  

o Lactation  
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o Chronic blood loss  

3.6 Advantages 

• High absorption (Fe²⁺ form)  

• Economical  

• Widely available  

3.7 Side Effects 

• Gastrointestinal irritation  

• Nausea, vomiting  

• Constipation or diarrhea  

• Black discoloration of stools  

3.8 Precautions 

• Take after meals (to reduce irritation)  

• Avoid overdose (risk of iron toxicity)  

• Keep away from children  

4. Ferrous Gluconate 

4.1 Introduction 

Ferrous gluconate is another oral iron salt used as a haematinic. It contains lower elemental iron 

compared to ferrous sulphate but is better tolerated. 

4.2 Chemical Information 

• Iron salt of gluconic acid  

• Contains ~12% elemental iron  

4.3 Mechanism of Action 

• Supplies Fe²⁺ ions  

• Absorbed in intestine  

• Used in hemoglobin synthesis  

4.4 Pharmacological Actions 

• Increases hemoglobin  

• Replenishes iron stores  

• Supports RBC production  

4.5 Uses 

• Iron-deficiency anemia  
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• Patients intolerant to ferrous sulphate  

• Pediatric and geriatric use  

4.6 Advantages 

• Better gastrointestinal tolerance  

• Lower irritation  

• Suitable for sensitive patients  

4.7 Side Effects 

• Mild GI upset  

• Dark stools  

• Less severe compared to ferrous sulphate  

4.8 Precautions 

• Same as other iron supplements  

• Avoid excessive dosing  

• Monitor hemoglobin levels  

POISONS AND ANTIDOTES 

1. Definition of Poison 

A poison is any substance that, when introduced into the body by ingestion, inhalation, absorption, or 

injection, produces harmful or fatal effects by interfering with normal physiological functions. 

• Even medicines can act as poisons if taken in excess.  

• Toxicity depends on dose, route, duration, and individual susceptibility.  

2. Definition of Antidote 

An antidote is a substance that counteracts or neutralizes the toxic effects of a poison. 

• It may act by:  

o Preventing absorption  

o Chemically neutralizing the poison  

o Producing opposite physiological effects  

3. Classification of Antidotes 

Antidotes are broadly classified into three major types: 

A. Physical (Mechanical) Antidotes 
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Definition 

Substances that prevent absorption of poison by physical action. 

Mechanism 

• Adsorb or coat the poison  

• Reduce contact with body tissues  

Examples 

• Activated charcoal → adsorbs alkaloids, toxins  

• Demulcents (milk, egg albumin) → coat gastric mucosa  

B. Chemical Antidotes 

Definition 

Substances that chemically react with poison to form a non-toxic compound. 

Mechanism 

• Neutralization  

• Precipitation  

• Oxidation/reduction reactions  

Examples 

• Potassium permanganate → oxidizes poisons  

• Sodium thiosulphate → detoxifies cyanide (important!)  

C. Physiological (Pharmacological) Antidotes 

Definition 

Substances that produce opposite physiological effects to the poison. 

Mechanism 

• Act on receptors or systems antagonistically  

Examples 

• Atropine → organophosphate poisoning  

• Naloxone → opioid poisoning  

D. Chelating Agents (Special Category) 
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Definition 

Substances that bind heavy metals to form stable, non-toxic complexes. 

Examples 

• EDTA → lead poisoning  

• Dimercaprol → arsenic poisoning  

4. Sodium Thiosulphate (Na₂S₂O₃) 

Introduction 

Sodium thiosulphate is an important chemical antidote, especially used in cyanide poisoning. 

Mechanism of Action 

It acts as a sulfur donor, converting toxic cyanide into less toxic thiocyanate. 

Reaction: 

 

• This reaction is catalyzed by the enzyme rhodanese  

• Thiocyanate is excreted in urine  

Uses 

• Antidote in cyanide poisoning  

• Used along with sodium nitrite  

• Also used in:  

o Iodine poisoning  

o Dermatological conditions (e.g., fungal infections)  

Dose and Administration 

• Given intravenously  

• Often combined with sodium nitrite for synergistic effect  

Advantages 

• Relatively safe  

• Converts highly toxic cyanide into less toxic compound  

Limitations 

• Works slower than some other antidotes  
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• Requires functioning enzyme system (rhodanese)  

Storage 

• Store in well-closed containers  

• Protect from light and moisture  

Adverse Effects 

• Nausea  

• Vomiting  
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