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Laboratory Safety 
Laboratory safety 

All who participate in lab must read and understand the following information 

regarding laboratory safety and emergency procedures prior to starting the first 

laboratory session. Since additional instructions may be given at the beginning of 

laboratory sessions, it is important that all experiments should be performed 

under proper academic laboratory supervision. Labs are full of potential hazards 

that can cause serious injury to the students. Your personal laboratory safety 

depends mostly on YOU. 

Good common sense is needed for safety in a laboratory. It is expected that each 

participant will work in a responsible manner and exercise good judgment and 

common sense. If at any time you are not sure how to handle a particular situation, 

ask your instructor for advice. It is always better to ask questions than to risk harm 

to yourself or damage to the equipment. 
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GENERAL RULES 

1. Students are required to always practice disciplined and responsible 

conduct when present in the laboratory. (Playing around in the 

laboratory, sitting or leaning on the lab benches, or any disorderly 

behaviors are not permitted at any time. Be alert and always proceed 

with caution in the lab). 

2. Pre-lab reading assignments are to be completed prior to lab. 

3. The use of food/drink (beverages, mints, chewing gum, etc.) and cosmetics 

in the laboratory is PROHIBITED. 

4. NEVER pipette anything by mouth; use a bulb. 

5. The use of cell phones, radios, MP3 players, or headphones is prohibited 

in the lab without prior authorization. Store these with your personal 

items in designated areas. 

6. Hands and pens/pencils are to be kept away from face, eyes, and mouth 

while using chemicals or equipment. Hands are to be washed with soap 

and water after performing all experiments, especially before going to 

the restroom, or leaving the lab for any reason. 

7. Execution of experiments authorized by the course instructor and 

supervised by the TA are the only experiments permitted. 

8. Observe good housekeeping practices. Work areas should be kept clean and 

tidy at all times. 

9. All written and verbal instructions are to be followed carefully. If you 

do not understand a direction or part of a procedure, ask the TA or 

the supervising figure before proceeding. 

10. DO NOT leave an on-going experiment unattended. 

11. Clean up your work area before leaving. 

12. Wash hands with soap and warm water before leaving the laboratory. 
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PERSONAL PROTECTIVE EQUIPMENT 

17. Approved safety goggles MUST be worn at all times when in the lab. NO 

EXCEPTIONS. 

18. Dress properly for lab. Clothing must cover the body from the shoulders 

down to toes. Lab coats/aprons are mandatory when the experiment requires 

them. 

a. NO bare midriffs or ankles 

b. NO tank tops or low-cut tops 

c. NO shorts, skirts, or cropped pants 

d. SHOES must be closed-toed and completely cover the heel and top of 

the foot. NO sandals. 

19. If you have long hair or loose clothes, make sure it is tied back or confined.  

20. Wear gloves when using any hazardous or toxic agent. 
 

HANDLING CHEMICALS 

22. All chemicals in the lab are to be considered dangerous and used with 

extreme caution. Chemicals are not to be touched, tasted, or smelled. Only 

the "wafting" method of smelling chemicals should be practiced (if needed) 

after undergoing proper demonstration by the TA. 

23. Read labels carefully before removing substances from a container. 

24. Only directed amount should be used /transferred. Unused chemicals must 

not be returned to their original container. 

25. Disposal- Students are responsible for the proper disposal of used material if 

any in appropriate containers. 

26. Flammable solvents must not be used anywhere near flame. 
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HANDLING GLASSWARE AND EQUIPMENT 

31. NEVER handle broken glass with your bare hands. Use the dustpan and 

broom provided to clean up the broken glass. Place the broken glass in the 

containers marked "broken glass". Notify a TA of any broken glassware. 

32. Check your glassware for cracks and chips each time you use it. Cracks 

could cause the glassware to fail during use and could cause serious injury 

to you or your lab mates. 

ACCIDENTS and INJURIES 

38. Report any accident (spill, breakage, etc.) or injury (cut, bum, etc.) to the TA 

immediately, no matter how trivial. 

39. If a chemical splash in your eye(s) or on your skin, immediately flush with 

running water from the eyewash station or safety shower for at least 15 

minutes. Notify supervising individual immediately. 

41. Know the location of safety equipment. 

Fire extinguisher * Safety shower * Eyewash * First aid kit * Chemical spill kit 

 

In addition to knowing the location of the fire alarms, fire extinguishers, 

eyewashes, and emergency showers in your lab, know how to use them. 
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STATEMENT OF AGREEMENT 
 

I have read and agree to the safety rules set forth in this lab safety contract. I 

realize that I must obey these rules in order to ensure my own safety, as well as 

the safety of others. I have located all emergency equipment and know who to 

contact in case of an emergency. I am aware that any violations of the contract 

can result in my removal from the laboratory and loss of credit for the 

experiment. I also understand that Joy for STEM will not be held liable for any 

injuries or accidents if safety rules and regulations are not obeyed. 

 

STUDENT NAME (PRINT)_________________________________ 

 

STUDENT SIGNATURE____________________________________DATE___________ 
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LAB MATERIALS 
Necessary Lab Equipment 

1. 50-mL Beaker 

2. 100-mL Beaker 

3. 250-mL Beaker x 2 

4. 10-mL Graduated Cylinder 

5. 25-mL Graduated Cylinder 

6. 100-mL Graduated Cylinder 

7. 100-mL Volumetric Flask 

8. 24-well Plate 

9. Alligator Clips x 6 

10. Balance 

11. Bleach 

12. Bunsen Burner 

13. Clamp 

14. Clay Triangle 

15. Copper Metal Rod x 2 

16. Copper Wires x3 

17. Crucible with Lid 

18. Cyanidin Solution 

19. Filter Flask 

20. Filter Paper 

21. Filtering Funnel 

22. Funnel 

23. Glowsticks 

24. Jar 

25. Mortar and Pestle 

26. Red Cabbage 

27. Ring Stand 

28. Ring Support 

29. Spatula 

30. Stirrer Hotplate 

31. Stirring Rod 

32. Stirring Rod 

33. Stopwatch 

34. Tarnished Pennies 

35. Test Tubes w/ Rack 

36. Thermometer, °C 

37. Tongs 

38. Transfer Pipettes 

39. Watch Glass 

40. Weigh Boat 

41. Wire Gauze 

42. Zinc Metal Sheet x 2 

Additional Items Needed 

1. Aluminum Foil 

2. Chalk (CaCO3) 

3. Cornstarch 

4. Vitamin C
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LAB MATERIALS CONTINUED 

Necessary Lab Chemicals 

1. Acetic Acid (Glacial) 

2. Acetic Acid, Vinegar (CH₃COOH) 

3. Calcium Chloride (CaCl2) 

4. Distilled Water 

5. Hydrate Options: 

• Calcium Chloride Dihydrate (CaCl2 ·H2O) 

• Calcium Sulfate Dihydrate (CaSO4·H2O) 

• Copper Sulfate Pentahydrate (CuSO4·5H2O) 

• Magnesium Carbonate Hexahydrate (MgCO3·6H2O) 

• Magnesium Sulfate Heptahydrate (MgSO4·7H2O)  

6. Hydrogen Peroxide (H2O2), 3% 

7. Liquid Lab Detergent 

8. Magnesium Sulfate, Epsom Salt (MgSO₄) 

9. Potassium Iodide (Kl) 

10. Sodium Bicarbonate, Baking Soda (NaHCO3) 

11. Sodium Chloride, Table Salt (NaCl) 

12. Sodium Hydroxide (NaOH) 
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Lab 1: Equilibrium- Iodine Clock 
Purpose of the Experiment 

The purpose of this lab is to observe the reaction of KI with hydrogen peroxide, 

using starch as an iodine indicator. The reaction will be observed under different 

temperature conditions, and whether the reaction is exothermic or endothermic will 

be confirmed experimentally. 

Background Required 

Students should understand the concept of equilibrium and what conditions can 

impact reactions that have reached equilibrium. Students should also be familiar 

with Le Châtelier’s Principle. 

Background Information 

The purpose of this lab is to study how temperature affects chemical equilibrium 

by observing the reaction of potassium iodide (KI) and hydrogen peroxide (H2O2) 

with starch as an iodine indicator. Although the experiment primarily focuses on 

the effects of temperature, it is also important to understand how other factors 

affect chemical equilibrium. Understanding chemical equilibrium and the factors 

that affect it is important because it allows you to manipulate chemical production 

and manufacturing and allows you to determine other chemical properties. It also 

allows you to understand several biological functions and properties of life. 

Chemical Equilibrium and Le Châtelier’s Principle 

Chemical equilibrium describes a specific state of reversible reactions. A 

reversible reaction is a reaction that includes forward and backward chemical 

reactions. A forward reaction is when reactants form products.  
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A backward reaction is when products react to reform the original reactants. 

When both the forward and backward reactions of a system occur at equal rates, 

the system has achieved a state of chemical equilibrium. Due to the forward and 

backward reactions occurring at equal rates, a reaction at equilibrium never reaches 

completion and the concentrations of reactants and products remain constant. 

In 1844, French chemist Henry Louis Le Châtelier proposed a new concept that 

predicted the positional habits of chemical equilibria, known as Le Châtelier’s 

Principle. Le Châtelier’s Principle states that the position of chemical equilibrium 

will shift to counter any disturbances, or changes, imposed on equilibrium. These 

disturbances can be caused by changes in the concentrations of reactants or 

products, changes in volume and pressure, and changes in temperature. 

Effects of Concentration 

When the concentration of a reactant or product increases, equilibrium will shift 

away from the increasing side. Equilibrium’s tendency to shift away from 

increases in concentration is because an increase in concentration causes more 

molecular collisions to occur, which increases the reaction rate. Equilibrium will 

shift to the less concentrated side to reduce the concentration of the more 

concentrated side. This means that increasing the concentration of a reactant will 

cause an equilibrium shift to the product side of the chemical equation to reduce 

the reactant concentration and increasing a product will cause an equilibrium shift 

to the reactant side to reduce the product concentration. On the other hand, 

decreasing a reactant or product will cause the equilibrium to shift toward the 

decreasing side. Decreasing concentration also decreases the number of collisions, 

which means that equilibrium will need to shift toward the decreasing side to 

increase its concentration.  
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Therefore, if the concentration of a reactant is decreased, equilibrium will shift 

toward the reactant side to increase its concentration. If the product is decreased, 

equilibrium will shift toward the product side to increase its concentration. 

Effects of Pressure and Volume 

To understand the effects of pressure and volume on chemical equilibrium, 

remember that a decrease in volume causes an increase in pressure and an increase 

in volume causes a decrease in pressure. As volume is decreased and pressure is 

increased, equilibrium will shift to the side with the least amount of moles to 

reduce the pressure. As volume increases and pressure decreases, equilibrium will 

shift to the side with the most moles to increase the pressure. If the number of 

moles on each side of the equation are equal, volume and pressure will have no 

effect on equilibrium. Additionally, adding an inert gas (a gas not involved in the 

chemical reaction) will also have no effect on equilibrium. 

Effects of Temperature 

In an endothermic reaction, heat (energy) is a reactant absorbed into its system 

from its surroundings. In an exothermic reaction, heat (energy) is a product 

released from its system into its surroundings. In short, an exothermic reaction will 

give off heat and its reverse reaction will be endothermic and will take heat. When 

the temperature of a reaction is increased, equilibrium will move in the direction of 

the endothermic reaction. When the temperature of a reaction is decreased, 

equilibrium will have an opposite effect and will move in the direction of the 

exothermic reaction. The changes in equilibrium induced by the addition or 

removal of heat in a reaction follows the same principles as increasing or 

decreasing the concentration of a reactant or product. 

  



   
 

14 | P a g e  
 

 

A + B → C + heat (Exothermic) 

The above exothermic reaction can be manipulated with the addition or removal of 

heat by placing the system in a hot or cold-water bath. By placing the system in a 

hot-water bath, the increase of heat in the system’s surroundings will transfer to the 

system and shift the equilibrium to the left. Inversely, if the system is placed in a 

cold-water bath, the heat in the system will leave the system and move to its 

surroundings. This transfer (exit) of heat causes equilibrium to shift to the right, 

favoring the exothermic reaction. Therefore, if product C is desired, cooling the 

reaction mixture will result in the increased production of “C” within the reaction 

mixture. 

The below reactions will be observed in lab: 

2 I- (aq) + H2O2 → I2 + H2O     (Slow Reaction) 

I2 + Vit. C → I- (aq)     (Fast Reaction) 

I2 + Starch  → Starch-Iodine Complex  

(Colorless)      (Dark Blue) 

In the first reaction, iodine ion from the aqueous solution of potassium iodide 

reacts with the hydrogen peroxide to produce elemental iodine. When elemental 

iodine is in the presence of starch as seen in the third reaction, starch acts as an 

indicator and turns blue. However, the second reaction immediately reverts the 

elemental iodine back to its ionic form. The cycle continues until the vitamin C is 

used up and the blue color persists. 
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Procedures 

 

Part A: Preparation of Solutions 

Vitamin C Solution: 

1. Crush, using mortar & pestle, 1000 mg vitamin C tablet and dissolve 

into 60 mL of water. Solution may be cloudy. 

Solution 1: 

1. Place 60 mL of water into 250 mL beaker 

2. Add 5 mL of Vitamin C solution into beaker 

3. Dissolve 1.2 g potassium iodide and stir with a glass 

stirring rod. Mix well. 

 

Solution 2: 

1. Prepare a 2% Starch solution. Add .5 g of cornstarch to 25 mL of water 

in 100 mL beaker. Mix well. 

2. Place 3 mL of 3% hydrogen peroxide into 50 mL beaker 

3. Add 10 mL of starch solution 

Part B: Starch and Potassium Iodine Reaction 

1. Obtain three test tubes 

2. Place 5 mL of Solution 1 into each test tubes.  

3. Add 3 mL of Solution 2 into each test tube. 

4. Record observations over a 10-to-15-minute period 

Caution: Wear departmentally approved safely goggles while doing this experiment. ALWAYS USE 
caution in the laboratory. Many chemicals are potentially harmful. Prevent contact with your eyes, skin, 
and clothing. Avoid Ingesting any of the reagents.  

Caution: Hydrogen peroxide is a strong oxidizer. 
Can be corrosive to eyes, skin, and respiratory 
system. 
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Part C: Impact of Temperature on Equilibrium 

1. Prepare an ice bath using a 250 mL beaker. 

2. Prepare a 100 mL hot water bath using second 250-mL 

beaker. (You may heat water in microwave) 

3. Measure water temperature with thermometer (Optional) 

4. Place test tube “A” in hot water bath. 

5. Place test tube “B” in ice bath. 

6. Keep test tube “C” at room temperature as the control. 

7. Record observations after 5 minutes. 

8. Record observations after 10 minutes 

9. Record observations after an additional 10 minutes. 

10. If time permits, remove test tubes from water baths, 

allowing test tube “A” and “B” to return to room temperature 

and record observations. 

 

  
Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

Part A: 

Test Tube A 
Initial Observation 

 

 

 

 

10-15 minute Observation  

Test Tube B 

Initial Observation 

 

 

 

 

10-15 minute Observation 

Test Tube C   

Initial Observation 

 

 

 

 

10-15 minute Observation 

 

 

  



   
 

18 | P a g e  
 

Part B: 

Test Tube A 

5 min 

 

 

 

10 min 20 min 

Test Tube B 

5 min 

 

 

 

10 min 20 min 

Test Tube C   

5 min 

 

 

 

10 min 20 min 

 

Additional Observations if any: 

 

Based on observations, is the overall reaction exothermic or endothermic?  
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Lab 2: Percent Composition of a Hydrate 

Purpose of the Experiment 

The purpose of this lab is to experimentally determine the percent composition of 

water in an unknown hydrate sample and theoretically determine the percent 

composition of a list of possible hydrates. Students will then calculate the percent 

error between the experimentally determined value and each theoretical value 

(derived from the list) to match the unknown hydrate with a possible hydrate. 

Background Required 

Students should understand the concept of dimensional analysis, and understand 

the terms mass, molar mass, and grams. Students should also be comfortable with 

lab equipment, including an open flame, and effective use of the scale. 

Background Information 

A hydrate is an ionic compound (or salt) that contains a definite content of water 

(H2O) molecules chemically bound to its structure. When a hydrate is heated, the 

water contained in the hydrate, known as “the water of hydration,” is released as 

water vapor. The solid that is left behind after all water molecules are removed 

from the hydrate is called the anhydrous salt, or the anhydrate. Some anhydrous 

salts easily absorb water vapor from the air and become hydrated. The ratio of 

water molecules to anhydrous salt varies in different hydrates but is constant in any 

given hydrate. 

The process of the dehydration of a hydrate is represented by this general reaction: 

General Reaction for Dehydration of a Hydrate 

𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻 +  𝛥𝛥 (ℎ𝐻𝐻𝐻𝐻𝐻𝐻) →  𝐴𝐴𝐴𝐴ℎ𝐻𝐻𝐻𝐻𝐻𝐻𝑦𝑦𝑦𝑦𝑦𝑦 𝑆𝑆𝐻𝐻𝑆𝑆𝐻𝐻 +  𝑊𝑊𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻 
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Hydrate Formula 

In the formula of a hydrate, the anhydrous salt’s chemical formula is always 

written first. The water formula is always written last, after a raised dot that 

indicates the water molecules are loosely bound to the hydrated salt. 

𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯𝑯 𝑭𝑭𝑭𝑭𝑯𝑯𝑭𝑭𝑭𝑭𝑭𝑭𝑯𝑯 =  𝐴𝐴𝐴𝐴ℎ𝐻𝐻𝐻𝐻𝐻𝐻𝑦𝑦𝑦𝑦𝑦𝑦 𝑆𝑆𝐻𝐻𝑆𝑆𝐻𝐻 ·  𝑥𝑥𝐻𝐻2𝑂𝑂 

The “x” in the formula represents the number of moles of H2O bound to one mole 

of salt. 

An example of a hydrate is sodium sulfate decahydrate, also known as Glauber’s 

salt. The anhydrous salt is sodium sulfate, which has the formula Na2SO4. The 

prefix deca- in decahydrate indicates there are 10 water molecules loosely bound to 

the one mole of hydrates salt, sodium sulfate. Therefore, the formula for the 

hydrate would be Na2SO4 · 10H2O. 

Determining the Percent Composition of Water in a Hydrate 

To find the percentage of water in a hydrate, use the following formula: 

% 𝐻𝐻2𝑂𝑂 =  �
𝑀𝑀𝐻𝐻𝑦𝑦𝑦𝑦 𝑦𝑦𝑜𝑜 𝐻𝐻2𝑂𝑂

𝑀𝑀𝐻𝐻𝑦𝑦𝑦𝑦 𝑦𝑦𝑜𝑜 𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻� 𝑥𝑥 100 

To use this equation, the mass of H2O and the hydrate needs to be determined. 
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Determining the Mass of H2O and Hydrate in a Known Hydrate 

To find the mass of H2O in a known hydrate when the hydrate formula is given: 

1. Calculate molar mass of H2O, using the periodic table 

2. Multiply molar mass of H2O by the number of water molecules bonded to 

one mole of the salt. 

Note: This is represented by xH2O in the hydrate formula. 

To find the mass of a known hydrate when the hydrate formula is given: 

1. Calculate molar mass of the anhydrous salt in hydrate formula, using the 

periodic table. 

2. Calculate mass of H2O in hydrate, xH2O. 

3. Calculate sum of Molar Mass of Anhydrous Salt + xH2O 

Example: Find the mass of water (H2O) and Hydrate in Na2SO4 · 10H2O. 

a. Mass of H2O in Na2SO4 · 10H2O = 10(Molar Mass of H2O, g/mol) = 

10(18.02g/mol) = 180.2 g/mol H2O 

b. Mass of Hydrate Na2SO4 · 10H2O = Molar Mass of Na2SO4, g/mol + Molar 

Mass of 10H2O, g/mol = 142.04 g/mol + 10(18.02 g/mol) = 142.04 g/mol + 

180.2 g/mol ≈ 322.2 g/mol Na2SO4 · 10H2O 
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Determining the Mass of H2O in an Unknown Hydrate Sample 

To find the mass of H2O and Hydrate in an unknown hydrate sample: 

1. Determine mass of crucible used to weigh the hydrate, using scale 

2. Determine total mass of crucible and hydrate, using scale 

3. Calculate mass of hydrate: Mass of Hydrate = Mass of Crucible – (Mass 

of Crucible + Mass of Hydrate) 

4. Heat hydrate in crucible to remove water from hydrate 

5. Determine total mass of crucible and anhydrate, using scale 

6. Calculate mass of anhydrate: Mass of Anhydrate = Mass of Crucible – 

(Mass of Crucible + Mass of Anhydrate) 

7. Calculate mass of H2O removed during heating (“water of hydration”): 

Water of Hydration = Mass of Anhydrate – Mass of Hydrate 

Calculating Percent Error 

To calculate the percent error between an unknown hydrate and a possible hydrate, 

use the following formula: 

% 𝐸𝐸𝐻𝐻𝐻𝐻𝑦𝑦𝐻𝐻 = �
(𝑇𝑇ℎ𝐻𝐻𝑦𝑦𝐻𝐻𝐻𝐻𝐻𝐻𝑒𝑒𝑒𝑒𝐻𝐻𝑆𝑆 𝑉𝑉𝐻𝐻𝑆𝑆𝑦𝑦𝐻𝐻 − 𝐸𝐸𝑥𝑥𝐸𝐸𝐻𝐻𝐻𝐻𝑒𝑒𝐸𝐸𝐻𝐻𝐴𝐴𝐻𝐻𝐻𝐻𝑆𝑆 𝑉𝑉𝐻𝐻𝑆𝑆𝑦𝑦𝐻𝐻)

𝑇𝑇ℎ𝐻𝐻𝐻𝐻𝑦𝑦𝐻𝐻𝐻𝐻𝐻𝐻𝑒𝑒𝑒𝑒𝐻𝐻𝑆𝑆 𝑉𝑉𝐻𝐻𝑆𝑆𝑦𝑦𝐻𝐻 �𝑥𝑥 100 

The theoretical value is the percentage of water (H2O) determined in the possible 

hydrates. The experimental value is the percentage of water determined in the 

unknown hydrate. To match the unknown hydrate with a possible hydrate, 

determine the hydrate that produces the lowest percent error. 
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Procedure 

 
1. Always use tongs and wire gauze for support when carrying the crucible to 

prevent the grease from your fingers transferring altering the mass. You can 

also burn yourself if the crucible is hot. Your instructor may give you 

additional instructions for the proper handling and prepping of crucible. 

2. Obtain a clean and dry crucible with lid. Remember 

to never touch the crucible with bare hands. 

3.  Place crucible on ring stand equipped with a clay 

triangle as in figure provided.  

4. Place a Bunsen burner under the crucible, ignite, 

and heat for 5 minutes to remove any moisture. Be 

sure to keep lid tilted open to allow moisture to 

escape.  

5. Allow crucible to cool to room temperature. 

6. Place the back of your hand near the crucible being 

sure not to touch it to check for any radiating heat. When heat isn’t detected. 

Move on to next step 

7. Using an analytical balance, record the mass of the crucible and lid (at least 

± 0.01 g). 

8. Transport crucible to your personal station to rest until further need and 

obtain a weigh boat or weigh paper. 

9. Tare your acquired weigh paper/boat and measure about 2 grams of 

unknown hydrate. The mass doesn’t have to recorded. 

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are potentially 
harmful. Prevent contact with your eyes, skin, and clothing. Avoid Ingesting any 
of the reagents. 
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10. Add the hydrate to crucible and record the exact total weight of the crucible, 

lid, and hydrate. 

11. Place crucible and contents onto clay triangle and tilt lid as done before. 

12. Begin heating gently until the bottom of the crucible is red. 

13. Continue heating for 15 minutes. 

14. Turn off heat and let cool to room temperature. 

15. Once cooled, measure the mass of crucible and contents and record. 

16. Repeat the heating process for an additional 10 minutes. 

17. Allow to cool once again and record mass. 

18. Repeat this reheating process until the mass is consistent two times. 

19. The consistent mass will be your final mass and will be used for 

calculations. 

20. After final heating add water to crucible and note any changes. 

21. Using listed possible hydrates, calculate the percent of water in each 

hydrate. 

22. Determine the hydrate using your calculations. 

23. Determine the percent error of your experimentation using the proposed 

hydrate of choice. 

 

 

  

Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 
Remember to show all calculations in your lab notebook.  

  

Mass of crucible with lid, g  

Mass of crucible, lid, and hydrate, g  

Mass of crucible, lid, and hydrate, g (after 1st heating)  

Mass of crucible, lid, and hydrate, g (after 2nd heating)  

Mass of crucible, lid, and hydrate, g (after 3rd heating)  

If needed, Mass of crucible, lid, and hydrate, g (after 4th heating)  

If needed, Mass of crucible, lid, and hydrate, g (after 5th heating)  

If needed, Mass of crucible, lid, and hydrate, g (after 6th heating)  

Initial Mass of hydrate, g  

Final Mass of heated Hydrate (Anhydrous Salt), g  

Mass of water lost, g  

Percent water in hydrate, %  

Using table provided, determine theoretical percent water, %  

Calculate percent error, %  

Observation after readding water: 

Possible Hydrates:        % H2O 

Calcium Chloride Dihydrate (CaCl2 ·H2O)    _______ 
Calcium Sulfate Dihydrate (CaSO4·H2O)    _______ 
Copper Sulfate pentahydrate (CuSO4·5H2O)    _______ 
Magnesium Carbonate Hexahydrate (MgCO3·6H2O)   _______ 
Magnesium Sulfate Heptahydrate (MgSO4·7H2O)    _______  
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Lab 3: Rate Reaction- Temperature, Surface Area, and 

Concentration 
Purpose of the Experiment 

The purpose of Part A is to observe the impact temperature has on the reaction rate 

and glow intensity of glowsticks. In Part B and C, the impact of surface area and 

concentration on the reaction rate of a chemical reaction will be observed. 

Background Required 

Students should understand the basic concepts of the kinetics and the mechanics of 

chemical reactions. Students should also know terms such as molarity, surface 

area, and activation energy. 

Background Information 

Reaction rate is the speed at which a chemical reaction occurs. In other words, it 

is a measurement of how long it takes the consumption of reactants and formation 

of products to occur in a chemical reaction. 

There are four main factors that affect reaction rate: 

Involvement of a Catalyst 

A catalyst is a substance that accelerates the chemical reaction rate without 

being consumed in the reaction, and, thus, does not affect chemical 

equilibrium. The addition of a catalyst will accelerate the rate of a reaction 

by lowering the amount of energy required for a reaction to initiate 

(activation energy). Enzymes are a common, naturally occurring form of 

catalysts. 
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Temperature 

Increasing and decreasing temperature affects reaction rate due to its effect 

on the movement of molecules. At higher temperatures, molecules travel 

faster, which increases the frequency of molecular collisions necessary for a 

reaction to occur. At lower temperatures, molecules travel slower, which 

decreases the frequency of molecular collisions. Therefore, increasing the 

temperature of a chemical reaction will cause the reaction to occur at a 

higher rate and decreasing the temperature will cause the reaction to occur at 

a slower rate. 

Surface Area 

In chemistry, surface area measures how much of a solid object is exposed. 

A higher surface area means that more molecules of the solid are 

immediately exposed. Therefore, increasing surface area will increase the 

reaction rate due to the higher quantity of molecules immediately exposed to 

other reactants. A lower surface area means that fewer molecules are 

immediately exposed. Therefore, decreasing the surface area will decrease 

the reaction rate because the other reactants will need to eat through the 

solid’s more superficial layers before they can reach the innermost 

molecules of the solid. 

Powders have a faster reaction rate than compact blocks of solids because 

powders have a higher surface area. 
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Concentration of Reactants 

Concentration is the number of moles of solute present in liters of solution. 

Increasing the concentration of a solute increases the number of molecules 

present. This will increase the number of molecular collisions that occur. 

Decreasing the concentration of a solute lowers the number of molecules 

present. This decreases the frequency of molecular collisions occurring. 

Therefore, increasing concentration will cause the reaction to occur at a 

faster rate and decreasing concentration will cause the reaction to occur at a 

slower rate. 

Procedure 

 

Part A: Glowstick Temperature Study 

1. Record Color of glowsticks on results sheet. 

2. Prepare Ice bath and hot water bath (You may use microwave to prepare hot 

water bath) 

3. Activate glowsticks and record time. 

4. Place one glowstick in ice bath, hot water, and keep one at room 

temperature. 

5. After 5 minutes, note the intensity of each glowstick. 

6. Note the intensity of each glowstick after 30 minutes. 

7. Note the intensity of each glowstick, after 1- hour. 

8. Observe glowsticks and record when they stop emitting light. 

Caution: Wear departmentally approved safely goggles while doing this experiment. 
ALWAYS USE caution in the laboratory. Many chemicals are potentially harmful. 
Prevent contact with your eyes, skin, and clothing. Avoid Ingesting any of the 
reagents. 
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Part B: Surface Area 

1. Measure and record the mass of the whole piece of CaCO3 (Chalk). 

2. Place in 250 mL beaker. 

3. Measure approximately the same amount of crushed CaCO3 and place in 2nd 

250 mL beaker. Record mass in results. 

 

Note: You should have some crushed CaCO3 left for second experiment. 

 

4. Obtain about 25 mL of vinegar. Add about 10 mL of vinegar to each beaker 

sample and time reactions until completion. (You may want to time reaction 

rate individually)  

5. Record length of each reaction in seconds. 

6. Clean and dry labware 
 

Part C: Concentration 

1. Separate the remaining crushed chalk into two equal samples. Place samples 

in separate clean dry test tubes (1 and 2). 

2. Obtain 4 mL of vinegar and place in test tube 1. Record length of reaction in 

seconds. 

3. Mix 2 mL of distilled water with 2 mL of vinegar. 

4. Place diluted vinegar in test tube 2. Record length of reaction in seconds. 

 

  
Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook.  

Glowstick Temperature Study: 

Time of activation _____________ 

 Room 

Temperature 
Ice Bath Hot water bath 

Initial Color    

Temp.    

 Observations Observations Observations 

5 minutes     

30 minutes    

1-hour    

Reaction end 

Time: 

__ hrs __min 
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Surface Area: 

 T-1 T-2 

Description of Sample 

  

  

Mass of Sample CaCO3, g   

Volume of Vinegar, mL   

   

Time of reaction, s   
 

 

Concentration: 

 T-1  

(Vinegar) 

T-2  

(1:1 Vinegar-Water) 

Mass of CaCO3 Sample, g   

Volume of Vinegar, mL   

   

Time of reaction, s   
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Lab 4: Determining the Rate Law Experimentally 
Purpose of the Experiment 

The purpose of this lab is to determine the order with respect to iodide ion and to 

Peroxydisulfate(VI) ion concentrations for the reaction of sodium iodide and 

potassium persulfate solutions. Write a rate equation for this reaction. 

Background Required 

The background information in the previous chapter is useful in this lab. In 

addition, students should be able to identify the end point of the reaction. 

Background Information 

In chemical reactions, reactant ions or molecules must collide with sufficient 

energy and proper orientation before their transition to product species can occur. 

A great deal about which collisions are most significant can come from a study of 

factors that enhance the rate, or velocity, with which the reaction proceeds. 

Kinetics is the study of reaction rates and of the mechanisms, or bond breaking 

and bond making processes, by which chemical reactions occur. 

Stoichiometry is what determines the proportions of reactant and product species 

that engage in any reaction. Therefore, the rate at which the concentration of the 

reactants decrease is the same rate at which the product is formed. So, the rate of 

reaction can be measured two ways: Either through the rate of which the reactant 

decreases or through the rate at which the product forms. Whether one uses one or 

the other is based on convenience and measurability. For example, if only one 

reactant is colored, we can visually or instrumentally observe its initial presence, as 

well as its disappearance as the reactant is consumed in the reaction.  
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If one reactant and one product have different colors, we can watch the reaction 

mixture change color as the colored reactant disappears and the product 

concentration increases. 

Effect of Reactant Concentrations on Reaction Rate 

As mentioned in the previous lab, the rate of the reaction is impacted by the 

concentration of the reactants. In this lab, we will discuss how to determine the 

order of reaction in respects to the reactants, as well as how to determine the 

overall order of reaction. But first let’s discuss the mechanics to what drives the 

rate of reaction in respect to the concentration. 

Since reactions require collisions of reactant species, reaction rates often increase 

when the collision frequency and/or the collision energy of the reactants increases. 

We can increase this collision frequency in several ways. First, we can increase the 

reactant concentrations in the mixture. Think of it this way. If you are in a room 

with 10 people blind folded, depending on the size of the room it may take a while 

before you bump into someone. Now let’s take this same size room and put 100 

people in it. It is guaranteed that your chances of bumping into someone is 

significantly increase and the rate or frequency at which it happens will also 

increase. In chemical reactions involving more than one reactant, the reaction rate 

is often differently affected by a concentration increase of one compared to another 

of the reactants. 

We describe the effect of such concentration increases on the reaction rate by 

writing the rate equation for the reaction. A rate reaction shows the mathematical 

relationship between the individual reactant concentrations and the reaction rate.  
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The relationship between an increase in a reactant concentration and the reaction 

rate increase (or decrease) is expressed as an exponential term called the reaction 

order with respect to that reactant. The reaction equation for the reaction shown in 

the below reaction takes the general form shown in paired equation. In the 

equation, [A] and [B] represent the molar concentrations (M, mol/L) of A and B,  x 

is the reaction order with Reactant A, y  is the reaction order with respect to 

reactant B. k is the rate constant, a proportionality constant that varies only when 

the reaction temperature changes. 

A + B → C + D 

rate = k[𝐴𝐴]𝑥𝑥[𝐵𝐵]𝑦𝑦 

The overall reaction order is the sum of the orders of the individual reactants, x + 

y in this case. Reaction orders are usually small positive or negative whole 

numbers (1, 2, -1) or fractions (½, -½ ) 

Identifying Order of Reaction 

If the reaction rate is directly proportional in a 1:1 ration with the reactant 

concentration, it is said the reaction is first order. For example, if a reaction rate 

doubles when the concentration of one reactant is doubled, the reaction is directly 

proportional to that reactant concentration. The reaction order with respect to that 

reaction is one, and we say that the reaction is first order with respect to that 

reactant. 

Consider, for example, the reaction of nitrogen(IV) oxide (NO2) and hydrogen 

chloride (HCl), shown in the below reaction. 

NO2 (g) + 2 HCl (g) →  NO (g) + H2O (g) + Cl2 (g)      
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From experimental data, we find that the rate of this reaction is directly 

proportional to the NO2 concentration. Therefore, this reaction is first order with 

respect to NO2. We also find that the reaction rate is doubled when only the HCl 

concentration is doubled. Hence, the reaction is also first order with respect to HCl. 

The rate equation for this reaction is shown below. Note that the superscript 1 is 

understood and doesn’t have to be written. 

rate = k[𝑁𝑁𝑂𝑂2][𝐻𝐻𝐻𝐻𝑆𝑆] 

Using the equation (x+y) to determine the overall reaction order we can determine 

that the overall reaction order of this reaction (1+1) is two, so we say that, overall, 

this is a second order reaction. 

A reaction can also be second order with respect to the concentration of a single 

reactant. If a reaction rate is quadrupled as a result of doubling the concentration of 

one of the reactants, the reaction is second order with respect to the reactant. For 

example, the decomposition of NO2 at an elevated temperature, shown in the 

reaction below paired with the rate reaction equation has been experimentally 

found to be second order with respect to NO2. 

2NO2 (g) →  2NO (g) + O2 (g) 

rate = k[𝑁𝑁𝑂𝑂2]2 

To determine the rate of a reaction it must be determine experimentally. 

Occasionally, the exponents of the rate equation coincide with the reactant 

coefficients in the balanced chemical equation, but when this happens it is 

coincidence. Therefore, you cannot determine the order of a reaction using a 

balance equation. 
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Identifying Rate Equation for Reaction from Experimental Data 

So, how is experimental data used to determine the rate of a reaction? Let’s 

consider the reaction of sulfur(IV) oxide (SO2) and hydrogen (H2), shown below 

SO2 (g) + 2H2 (g) →  S (s) + 2H2O (g) 

First, create a general rate equation based on the reactant provided as done below: 

rate = k[𝑆𝑆𝑂𝑂2]𝑥𝑥[𝐻𝐻2]𝑦𝑦 

Next, a series of at least 3 experiments will have to be completed with varying 

concentrations. The rate at which the reaction reaches completion will be recorded. 

Using this data, we can determine the reaction order with respect to SO2 (x ) and to 

H2 (y ) using the method of initial rates. This method involves measuring and 

comparing the initial reaction rates with the initial reactant concentrations that are 

independently changed. For example, consider the three determinations described 

in provided Table. The rate equations for these determinations are shown 

alongside. 

        

From a comparison of the results of determinations 1 and 2, we can establish the 

effect on the reaction rate of doubling the initial SO2 concentration, because the H2 

concentration was held constant. 

  

The reaction rate of SO2 with H2 at constant temperature and 

varying initial concentrations 

Determination  [ SO2] [H2] 
Reaction Rate, 

mol/L·s 

1 1.50 x 10-3 3.00 x 10-3 4.95 x 10-7 

2 3.00 x 10-3 3.00 x 10-3 9.90 x 10-7 

3 3.00 x 10-3 1.50 x 10-3 4.95 x 10-7 

rate1 = k[𝑆𝑆𝑂𝑂2]1
𝑥𝑥[𝐻𝐻2]1

𝑦𝑦  

rate2 = k[𝑆𝑆𝑂𝑂2]2
𝑥𝑥[𝐻𝐻2]2

𝑦𝑦  

rate3 = k[𝑆𝑆𝑂𝑂2]3
𝑥𝑥[𝐻𝐻2]3

𝑦𝑦  
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We can also determine what x is in the rate equation by comparing the rates 

obtained in determinations 1 and 2. Similarly, we can compare the results of 

determinations 2 and 3 to determine the effect of doubling the initial H2 

concentration on the reaction rate to determine y. 

As we can see from determinations 1 and 2, the rate doubles when the initial SO2 

concentration is doubled. Because the rate is directly proportional to the SO2 

concentration, we say that the reaction is first order with respect to SO2, and that 

x=1. We can show this mathematically as follows. 

Start by dividing Determination 2 by Determination 1. Since the reactions were ran 

at constant temperature, the rate constant for each determination is the same, 

allowing the rate constant to be cancelled, giving the following ratios: 

𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻2
𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻1

 = 
[𝑆𝑆𝑂𝑂2]2

𝑥𝑥[𝐻𝐻2]2
𝑦𝑦

[𝑆𝑆𝑂𝑂2]1
𝑥𝑥[𝐻𝐻2]1

𝑦𝑦 

Additionally, because the [H2] was the same in determinations 1 and 2, we can 

cancel the two [H2] terms and simplify the ratio: 

𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻2
𝐻𝐻𝐻𝐻𝐻𝐻𝐻𝐻1

 = 
[𝑆𝑆𝑂𝑂2]2

𝑥𝑥

[𝑆𝑆𝑂𝑂2]1
𝑥𝑥 

Next, substituting the data from Table 1 into the simplified ratio gives: 

9.90 x 10−7

4.95 x 10−7
 = 

(3.00 x 10−3)𝑥𝑥

(1.50 x 10−3)𝑥𝑥
 

Dividing the numerators by the denominators results in 2.00 = 2.00x 

And, solving for x, we find x=1 

In similar fashion, we can use the data from determinations 2 and 3 to establish 

that y = 1. Therefore, the reaction is also first order with respect to H2. 
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Finally, we can determine that the reaction is second order overall 

(x + y = 1+ 1 = 2) 

Having established the exponents for both SO2 and H2, we conclude: 

rate = k[𝑆𝑆𝑂𝑂2][𝐻𝐻2] 

Determining The Rate Constant 

We can determine the rate constant, k, by substituting the experimental rate and 

initial concentrations from any determination into the determined rate equation. 

For example, substituting the data from determination 1 into the equation gives: 

4.95 𝑥𝑥 10−7mol/L • s = k(1.50 x 10−3 mol/L)(3.00 x 10−3 mol/L) 

Rearranging the equation to solve for k, 

𝑘𝑘 =  
4.95 x 10 − 7 mol/L • s 

(1.50 x 10−3  mol/L)(3.00 x 10−3 mol/L) = 0.110 𝐿𝐿/𝐸𝐸𝑦𝑦𝑆𝑆 • s 

The complete rate equation for the reaction can now be written as: 

rate = 0.110 L/ mol •s [𝑆𝑆𝑂𝑂2][𝐻𝐻2] 

You will investigate the rate of the reaction between solutions of NaI (I-) and 

K2S2O8 (S2O8 
-2), using the method of initial rates. The chemistry of this reaction is 

very complex. For the purposes of this investigation, you may assume that the 

sequence of color changes signals the end of the reaction and indicates that the NaI 

has completely reacted. Starch will be used as an indicator for the presence of the 

final product, and the other listed materials are catalysts. From these data points, 

you will propose a rate equation for this reaction. 
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Procedure  

 
I. Preparing to Measure Solution Volumes and Determine the Rate 

Law 

• Record the exact concentration of the NaI (I-) and K2S2O8 (S2O8 
-2) that 

will be used in this experiment in results. Note the Na and K are 
spectator ions and will not be a part of the overall reaction. 

• Record the room temperature, measured to the nearest degree. 

• Assemble three clean, dry 20 x 150-mm test tubes in a test tube rack, 
obtain a glass stirring rod, and a timer. 

• Label test tubes 1, 2, 3, and 4. 

II. Determining the Effect of Reactant Concentrations on the 

Reaction Rate 

Complete the determinations (1, 2, and 3) using the volumes of listed below 

Table 2 
Reagent proportions for determinations 1, 2, and 3 

Reactants Determination 

Test tube A 1 2 3 

0.2M NaI 2 mL 2 mL 4 mL 

0.2M NaCl 2 mL 2mL 0 mL 

0.01M Na2S2O3 2 mL 2 mL 2 mL 

2% Starch 1 mL 1 mL 1 mL 

DI Water 2 mL 0 mL 2 mL 

Test tube B    

0.2M K2S2O8 2 mL 4 mL 2 mL 
  

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are 
potentially harmful. Prevent contact with your eyes, skin, and clothing. 
Avoid Ingesting any of the reagents. 
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1. Using pipette provided with each solution. Place the assigned volume of 

reagents in test tubes A1, A2, A3 using the table provided above. Be sure to use 

proper pipette and keep return pipette to the designated area to prevent 

contamination. 

2. In the fourth test tube, place 9 mL of 0.2M K2S2O8. 

3. Prepare stopwatch. 

4. Add 2 mL of acquired 0.2M K2S2O8 into test tube #1 and begin timer 

immediately. 

5. When reaction is complete, with a color change, stop timer and record the rate 

of reaction. 

6. Using the table repeat with the assigned volumes for Determination 2 and 3. 

Being sure to record data after each determination. 

7. Experiment can be repeated, and the average of the matching determinations 

can be used for calculations. 

NOTE: 

Stop the timer when the color of the reaction completely changes. 

  Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

PREPARING TO MEASURE SOLUTION 
VOLUMES 

  

Concentration of NaI Solution, mol/L  
Concentration of K2S2O8 Solution, mol/L  
Room Temperature, ◦C  

 

Table I 

 

DETERMINING THE EFFECTS OF REACTANT CONCENTRATIONS ON 
THE REACTION RATE 

Determination 
Number 

Volume of I-
 

Solution, mL 
Volume of 
S2O8

-2 
Solution, mL 

Total 
Volume of 
solution, 

mL 

Elapsed 
Time 

1 

    
    
    
    

Average Elapsed Time, s  
   

2 

    
    
    
    

Average Elapsed Time, s  
   

3 

    
    
    
    

Average Elapsed Time, s  
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Table II 

 

Determination 
Number 

Calculated 
Concentration 

of I-
  mol/L 

Calculated 
Concentration 

of S2O 8
-2

  
mol/L 

Average 
Elapsed 
Time, s 

Rate Reaction 
mol/L-s 

1     
2     
3     

 

You may also assume that the general rate equation for this reaction is as shown in 

rate = 𝑘𝑘[𝐼𝐼−]𝑥𝑥[S2O8 −2]𝑦𝑦 

 

Order of reaction with respect to: 

 

I-
     

S2O 8
-2  

Overall reaction order  
 

                                                        

 

Calculated rate constant, k, for the reaction             

 

 

Give the rate equation for the reaction: 
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Lab 5: Titration of Weak Acids 
Purpose of the Experiment 

The purpose of this lab is to titrate acetic acid using a 0.5 M NaHCO3 and 0.5 M 

NaOH to determine the mass percent of acetic acid in household vinegar using two 

types of indicators. The percent errors will be compared to determine best method 

for titration. 

Background Required 

Students should understand the concepts of volumetric analysis (titration), 

calculations including dimensional analysis, concentration as molarity, and have 

knowledge of the terms: acid, base, and neutralization. 

Background Information 

The purpose of this lab is to use acid-base titration to determine the mass percent 

of acetic acid (CH₃COOH) in household vinegar. This will be accomplished by 

titrating acetic acid using a 0.5 M NaHCO3 basic solution and performing the 

necessary calculations. To complete this lab, it is important to understand the 

concepts behind acids, bases, and neutralization reactions. Acids and bases have 

essential roles in many chemical reactions and in everyday life, from titrating acids 

and bases in a lab to combining vinegar and baking soda in a “volcano” science 

experiment to simply digesting the food you eat every day. Due to the high 

reactivity of many acids and bases, learning about their properties can not only 

help prevent dangerous, and potentially fatal, situations but also help us 

understand, control, maintain, and manipulate countless chemical processes. 
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There are three common ways to define acids and bases. The following sections 

discuss these definitions and the limitations of each: 

Arrhenius Acids and Bases 

The Arrhenius acid-base theory was named after Swedish physical chemist 

Svante August Arrhenius who developed the Theory of Electrolytic 

Dissociation in 1884. The Theory of Electrolytic Dissociation states that 

electrolytes, which include acids, bases, and salts, dissociate, or split up, into 

electrically charged atoms or molecules (ions) when dissolved in water. 

Based on this theory, the Arrhenius acid-base theory is represented by the 

dissociative properties of acids and bases in aqueous solutions. 

An Arrhenius acid is defined as any substance that produces protons (also 

known as hydrogen ions, or H+) when dissolved in water to form an 

aqueous solution. These acids are also known as protonic acids. 

General Equation of Arrhenius Acids 

𝐻𝐻𝐴𝐴 (𝐻𝐻𝑎𝑎)
   𝐻𝐻2𝑂𝑂   
�⎯⎯⎯�  𝐻𝐻+(𝐻𝐻𝑎𝑎)  + 𝐴𝐴− (𝐻𝐻𝑎𝑎) 

Note: The hydrogen cation, H+, is the result of a hydrogen atom losing its 
only electron. This cation is often referred to as a proton due to the hydrogen 
atom being left with a single proton after the loss of its only electron. Once 
the cation is formed during the ionization of an acid in aqueous solution, it 
then further creates a bond with the surrounding water molecules, H2O. This 
bond results in the formation of the hydronium ion (H3O+). H+ is often 
written in the general equation in short. However, in aqueous solutions, the 
cation really exists in its hydronium form, H3O+. 
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An Arrhenius base is defined as any substance that produces hydroxide 

ions (OH−) when dissolved in water to form an aqueous solution. 

General Equation of Arrhenius Bases 

𝐵𝐵𝑂𝑂𝐻𝐻 (𝐻𝐻𝑎𝑎)
   𝐻𝐻2𝑂𝑂   
�⎯⎯⎯� 𝐵𝐵+ (𝐻𝐻𝑎𝑎) + 𝑂𝑂𝐻𝐻− (𝐻𝐻𝑎𝑎)  

The Arrhenius definition of acids and bases is the most limited definition out 

of the three. One of these limitations is that it only explains acids, bases, and 

acid-base reactions, in aqueous solutions. Therefore, by Arrhenius 

definition, a substance cannot be classified as an acid or base, and reactions 

cannot be classified as acid-base reactions, without the involvement of water 

as a solvent. It also fails to explain acidic substances that do not contain 

hydrogen, such as boron fluoride (BF3) and aluminum chloride (AlCl3), and 

basic substances that do not contain OH-, such as fluoride ions (F-) and 

ammonia (NH3). 

Brønsted-Lowry Acids and Bases 

The Brønsted-Lowry acid-base theory was named after Danish physical 

chemist Johannes Nicolaus Brønsted and English physical chemist Thomas 

Martin Lowry who independently introduced the theory in 1923. This theory 

is less limited than the Arrhenius acid-base theory because it is not limited to 

aqueous solutions only. It is represented by the transfer of protons (H+) 

between acids and bases. 

A Brønsted-Lowry acid is defined as any substance that donates, or 

releases, a proton in an acid-base reaction. Once an acid has donated a 

proton, the resulting substance that remains is called the conjugate base of 

that acid. 



   
 

46 | P a g e  
 

A Brønsted-Lowry base is defined as any substance that accepts a proton in 

an acid-base reaction. Once a base has accepted a proton, the substance that 

is formed is called the conjugate acid of that base. 

The pairs of acids and their conjugate bases, and bases and their conjugate 

acids, are called acid-base conjugate-pairs. 

One limitation of the Brønsted-Lowry acid-base theory is that it cannot 

explain acid-base reactions occurring in aprotic solvents. Protic solvents, 

such as H2O, are solvents that contain a hydrogen atom directly attached to a 

fluorine, oxygen, or nitrogen atom. These solvents can readily donate their 

hydrogen ions to solutes. However, aprotic solvents, such as dinitrogen 

tetroxide (N2O4), do not have a hydrogen atom directly connected to a 

fluorine, oxygen, and nitrogen atom. These solvents are unable to donate or 

accept hydrogen ions, which is the basis of this theory. The theory also 

cannot explain the properties of acidic substances that do not contain a 

hydrogen atom to donate, such as BF3 and AlCl3. These substances can be 

explained by the Lewis acid-base theory. 

  

Acid-Base conjugate pair 

HA      +       B A-          +       HB+ 
B-L Acid     +         B-L Base             

General Equation of Brønsted-Lowry Acid-Base Reactions 

Conjugate     +         Conjugate 
              Base                          Acid              

Acid-Base conjugate pair 
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Lewis Acids and Bases 

The Lewis acid-base theory was named after American physical chemist 

Gilbert Newton Lewis who developed the theory in 1923. This acid-base 

theory is the least limited definition out of the three and explains the acidic 

and basic properties of substances that do not fit in the other definitions. It is 

represented by the transfer of valance electron-pairs between acids and 

bases. 

According to the theory, a Lewis acid is any substance that accepts an 

electron-pair from a Lewis base to form a covalent bond (also known as a 

Lewis acid-base adduct or complex) in an acid-base reaction. Therefore, 

Lewis acids are electron-pair acceptors and Lewis bases are electron-pair 

donors. Examples of Lewis acids are hydrogen ions (H+), boron fluoride 

(BF3), and aluminum chloride (AlCl3). Examples of Lewis bases are 

hydroxide ions (OH-), fluoride ions (F-), and Sulfate (SO4
2-). 

Though the Lewis acid-base definition is the most general definition, it still 

has limitations. For one, the theory does not explain the relative strengths of 

acids and bases (see “Strong and Weak Acids” below). It also does not 

explain protonic acids that do not form covalent bonds with bases, such as 

hydrochloric acid (HCl) and sulphuric acid (H2SO4). 

  

A      +      :B A      B   
Lewis Acid   +   Lewis Base               Covalent Bond  
(Electron-pair 
Acceptor) 

(Electron-pair 
Donor) 
 

(Lewis Acid-base 
Adduct) 

System of Lewis Acid-Base Reactions 
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Strong and Weak Acids and Bases 

The strength of an acid is determined by the extent to which an acid ionizes 

(dissociates) and the number of H+ ions produced, in aqueous solution. 

Strong acids completely ionize in water, while weak acids only slightly 

ionize in water. A common example of a strong acid is hydrochloric acid 

(HCl). A common example of a weak acid is acetic acid (CH3COOH). 

The strength of a base is determined by the extent to which a base ionizes 

and the number of OH- ions produced, in aqueous solution. Similar to strong 

acids, strong bases completely ionize in water, while weak bases slightly 

ionize. A common example of a strong base is sodium hydroxide (NaOH). A 

common example of a weak base is ammonia (NH3). 

The strength of conjugate bases and conjugate acids are inversely relative to 

their acid and base. The stronger the acid, the weaker its conjugate base will 

be. The weaker the acid, the stronger its conjugate base. The same pattern is 

true for bases. 

• Strong Acid (completely ionizes) = Weak Conjugate Base 

• Weak Acid (slightly ionizes) = Strong Conjugate Base 

• Strong Base (completely ionizes) = Weak Conjugate Acid 

• Weak Base (slightly ionizes) = Strong Conjugate Acid 
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Additional Characteristics of Acids and Bases 

To summarize the information from the previous definitions: 

• Acids are proton donors or electron-pair acceptors that typically 

produce protons (H+) in aqueous solution. 

• Bases are proton acceptors or electron-pair donors that typically 

produce hydroxide ions (OH-) in aqueous solution. 

There are many other characteristics that distinguish acids and bases from 

each other: Acidic substances have a sour or tart taste, have a watery texture, 

turn blue litmus paper (a type of acid-base indicator) red, and have a pH 

value of less than 7 on the pH scale. An example of an acidic substance 

would be lemon juice. In contrast, basic substances have a bitter taste, have a 

slippery texture, turn red litmus paper blue, and have a pH value of more 

than 7 on the pH scale. An example of a basic substance would be soap. 

Note: The pH scale ranges from 0-14. A value of 7 on the pH scale indicates 

neutral substances, such as pure water. 

There are also characteristics that acids and bases share. Both acids and bases 

can be corrosive (depending on their strength), are often good conductors of 

electricity when in aqueous solution, and will change the color of acid-base 

indicators (on opposite ends of the spectrum). An important similarity between 

acids and bases is that they both cause neutralization reactions with each other 

to produce various types of salts. 
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Neutralization and Titration 

Neutralization occurs at pH seven. It is a chemical reaction between acids and bases 

that neutralize each other, resulting in a neutral solution forming water and salt. This 

happens by equal amounts of H+ and OH- ions reacting to form water, and the 

formation of salt is from equal weight of acid and base. The amount of acid needed 

is the amount that would provide one mole of protons (H+), and the amount of base 

needed is the amount that would provide one mole of (OH-). 

Titration, also called volumetric analysis, is a well understood laboratory method 

used to determine the concentration of an unknown, called an analyte, also known 

as a titrand. Titrations are formed by adding the titrant in a drop-wise manner to 

the analyte. This is done until the reaction reaches its end point, which is the 

equivalence point. 

The equivalence point is used in acid-base titrations when the number of acid 

equivalents present in the original solution equals the number of base equivalents 

added. While a strong acid-strong base titration will have its equivalence point at 

pH 7 (a neutral solution), the equivalence point does not always occur at that value. 

For example, titrations of polyphonic acids or bases have multiple equivalence 

points, due to each acidic or basic conjugate species titrating separately. The 

equivalence point is determined in two common ways: evaluation by a graphical 

method—plotting the pH of the unknown solution as a function of added titrant by 

using a pH meter—or estimation by watching for the color change of an added 

indicator. 

Note: If too much of the titrant is added to the titrand, the experimenter will pass 

the equivalence point and the results may be erroneous. 
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The process of titration is usually done by placing the analyte in a beaker 

underneath a burette that is clamped and suspended directly overhead. By knowing 

the characteristics and concentration value of your titrant and adding it to your 

analyte in a careful drop-wise manner, you can determine the exact volume 

required to change the color of the unknown analyte. Working in reverse, one can 

calculate the concentration of the unknown analyte. 

Note: The analyte will have an acid-base indicator added. The point where the 

color indicator changes is the endpoint. This will be further discussed later. 

During titration, for it to be successful, the following must be fulfilled: 

• The reaction between the titrant and analyte should be known and 
happen quickly. 

• The volume of titrant required to reach the stoichiometric point must 
be accurately known. 

• The stoichiometric point must be accurately marked and recorded for 
calculations. 

There are four types of neutralization reactions that can be used in the titration 

process: strong acid-strong base reactions, strong acid-weak base reactions, weak 

acid-weak base reactions, and weak acid-strong base reactions. Only the first 

reaction will result in a neutralized solution with a precisely 7 pH value. The other 

reactions give neutralized solutions with varying pH values, due to the varying pH 

of that acid/base. 

Note: A strong acid - strong base will result in a pH level of precisely 7, a strong 

acid-weak base will result in a pH level less than 7. A weak acid-strong base will 

result in a pH level greater than 7. A weak acid-weak base will result in a pH level 

less than 7 if Ka is greater than Kb, a pH level equal to 7 if Ka is equal to Kb, and a 

pH level greater than seven if Ka is less than Kb. 
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The titration exercised in this experiment will be weak acid-strong base. By titrating 

a weak acid with a strong base, protons from the weak acid are directly transferred 

to the hydroxide ion. For example, in the titration of acetic acid (weak acid) with 

sodium hydroxide (strong base), the equation is as follows: 

𝐻𝐻𝐻𝐻3𝐻𝐻𝑂𝑂𝑂𝑂𝐻𝐻 (𝐻𝐻𝑎𝑎) +  𝑁𝑁𝐻𝐻𝑂𝑂𝐻𝐻(𝐻𝐻𝑎𝑎)  →  𝐻𝐻𝐻𝐻3𝐻𝐻𝑂𝑂𝑂𝑂−𝑁𝑁𝐻𝐻+(𝐻𝐻𝑎𝑎) + 𝐻𝐻2𝑂𝑂(𝐻𝐻𝑎𝑎) 

In the above reaction, an acetate ion forms as the hydroxide reacts with the 

hydrogen ion. The result is a solution that is slightly basic. The titration curve of a 

weak acid with a strong base has several distinct facts. These include: 

• Steep increase in pH at start of titration 

• Minute changes in curve after initial increase 

• Equivalence point located in middle of curve 

An example of this type of titration curve can be found below. This example 

represents the measure of the curve to be created from data collected in this lab. 
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The titration of a weak acid with a weak base is a type that is not commonly used. 

This is due to the difficulty in determining the end point in this kind of reaction. 

An example of this reaction can be shown with acetic acid and ammonia: 

𝐻𝐻𝐻𝐻3𝐻𝐻𝑂𝑂𝑂𝑂𝐻𝐻 +  𝑁𝑁𝐻𝐻3 → 𝐻𝐻𝐻𝐻3𝐻𝐻𝑂𝑂𝑂𝑂−  +  𝑁𝑁𝐻𝐻4 + 

This reaction occurs very similarly to the weak acid-strong base reaction, in that 

acetic acid transfers the hydrogen ion to the nitrogen of ammonia, forming an 

ammonium ion. The titration curve of this type has an equivalence point that is not 

well defined; generally, the pH will slowly decrease, with a slight increase in slope 

toward the center, signaling the point. An example of this type of curve is shown 

below: 

 

 

  



   
 

54 | P a g e  
 

Indicators 

During acid-base titration, an indicator is essential to show the start-to-finish 

chemical shift of the titration. Therefore, an indicator is added at the beginning of 

the titration and a color change is observed based on pH in respect to the pH 

indicator. There are two major types of indicators. In addition to pH indicators, 

redox indicators are used in redox titrations with regards to electrode potential. 

However, in this lab, the focus will be on pH indicators. 

pH indicators can either be a universal indicator or an acid-base indicator. 

Universal indicators are indicators made of multiple compounds, creating a 

solution that exhibits color changes over a variety and wide range of pH values. 

Therefore, they are not reliable for titration reactions because color change is 

dependent on pH and not the end point of titration. 

One indicator found in nature that resembles the mechanics of a universal indicator 

can be extracted from red cabbage. Red cabbage contains a compound cyanidin, a 

type of anthocyanin, which is responsible for the pigment to a “rainbow” of colors. 

The cyanidin indicator changes color depending on the acidity and/or alkalinity of 

solution. In acidic solution, the color of the indicator turns red and dark pink (pH 

0-1-2), cerise (pH 3), light purpleish pink (pH 4-6), and violet (pH 7). The color of 

the indicator in basic solution turns dark blue (pH 8-9), green to light green (pH 

10-11), yellow (pH 12-13), and orange (pH 14). 

In contrast, acid-base indicators, which are commonly composed of weak acids or 

weak bases, change color based on conditions being either acidic or basic. This 

makes them effective in changing color based on the pH of solution, which is what 

is desired. 
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Phenolphthalein, is a commonly used indicator in titrations due to the color 

change when the reaction neutralizes, allowing the end point to be easily observed. 

Red onion water can be used as a natural acid-base indicator. When the solution is 

acidic, onion will indicate a red color change. When the solution is basic, the onion 

indicator will change to a yellowish green. In addition to the color change, the 

onion also loses its odor under basic conditions. 

Important Calculations and Formulas 

Eq 5.1 

Molarity of Acetic Acid, mol/L = Drops of Titrant 
Drops of vinegar

 (Molarity of Titrant) 

Eq 5.2 

Mass of vinegar, g/L = (Molarity of Acetic Acid) (Molar Mass of Acetic Acid,g/mol) 
(1 mole Acetic Acid)

 

Note: Molar Mass of Acetic acid = 60.05 g/mol 

Eq 5.3 

Mass % of Acetic Acid= (Mass of Acetic Acid, g
1 L of solution

)( 1 L of solution
Number of grams in L of solution

)(100%) 

Note: Assuming the density of solution is = 1.005 g/mL 

Eq 5.4 

Corrected Mass % Acetic Acid= (Mass % Acetic Acid)(Drops of Vinegar + Drop of Indicator
𝐷𝐷𝐷𝐷𝐷𝐷𝐷𝐷𝐷𝐷 𝐷𝐷𝑜𝑜 𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝑣𝐷𝐷 𝑢𝑢𝐷𝐷𝑣𝑣𝑢𝑢

) 

Note: Since concentration of the vinegar solution was diluted with indicator 

solution, it must be taken into account using the above calculation 

Eq 5.5 

% error = (Expected Data - Experimental Data 
Expected Data

)(100%) 



   
 

56 | P a g e  
 

Procedures 

 

 

Part A: Preparation of Reagents 

Cyanidin Solution Preparation from Red Cabbage and Red Onion Water 

1. Prepare Cyanidin solution in 250 mL beaker. 

2. Place shredded red cabbage in beaker, filling beaker ~1/4. Add ~100 mL of 
water. Cabbage should be covered. Add additional water if needed. 

3. Place 250 mL beaker in microwave for 2 minutes. Watching to ensure 
solution doesn’t boil over. 

4. After 3 minutes check solution carefully as it will be very hot. Solution 
should be a dark violet color. 

5. If solution is not saturated, microwave an additional 2 minutes. Repeat as 
needed. 

6. Let solution cool to room temperature, decant into jar, and store in 
refrigerator until needed. Solution should be tossed after 1 week from 
preparation. 

*Solution in beaker can also be heated using hot plate. 

Alternate Stovetop Preparation: 

1. Combine Red Cabbage and Water in pot. 

2. Bring to boil. 

3. Allow to boil until solution is saturated. 

4. Cool to room temperature. 

5. Decant solution into jar. 

Repeat these same procedures using red onion in place of the red cabbage. 

  

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are 
potentially harmful. Prevent contact with your eyes, skin, and clothing. 
Avoid Ingesting any of the reagents. 
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Preparation of 0.5 M NaHCO3 

1. Dilute 10.5 grams of baking soda (NaHCO3) in a 250 volumetric flask with 
water. 

Preparation of 0.5 M NaOH 

2. Dilute 2 grams of sodium hydroxide (NaOH) in a 100 volumetric flask with 
water while mixing and cooling. 

 

 

Part B: Titration of a weak acid using strong base with Red Cabbage Juice as 

indicator 

1. Obitain 3 test tubes. 

2. Place 10, 12, and 20 drops of vinegar in test tubes respectively. Record exact 

number of drops in results. 

3. Add the same amount drops of concentrated Red Cabbage juice to each test 

tube. 10, 12, and 20 respectfully. 

4. Next titrate with the 0.5 M NaOH solution dropwise, gently mixing after 

each drop until color returns indicating a neutral pH. Record number of 

drops. 

You at need to hold test tube in front of white paper to see end point. 

Part C: Titration of a weak acid using strong base with Red Onion Water as 

indicator 

• Repeat previous procedures using Red Onion Water as the indicator 

  

Caution: 0 .5  M NaOH may be corrosive to metals. Can 
cause severe skin burns and serious eye damage. 
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Part D: Titration of a weak acid using weak base with Red Cabbage Juice as 

indicator 

1. Obitain 3 test tubes. 

2. Place 10, 12, and 20 drops of vinegar in test tubes respectively. Record exact 

number of drops in results. 

3. Add the same amount drops of concentrated Red Cabbage juice to each test 

tube. 10, 12, and 20 respectfully. 

4. Add 0.5 M NaHCO3 solution dropwise, stirring after each drop until color 

returns indicating a neutral pH. Record number of drops. 

Part E: Titration of a weak acid using weak base with Red Onion Water as 

indicator 

• Repeat previous procedures using Red Onion Water as the indicator 

 

As apart of your conclusion, if more than one type of titration is completed, 

compare the percent errors to determine the most accurate form of titration for 

determining the Mass % of acetic acid in vinegar. Does your data agree with your 

understanding of titrations and indicators? 

 

 

  

Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

Part B: 

 T-1 T-2 T-3 

Number of drops of vinegar    

Number of drops of indicator    

Number of drops of NaOH solution 

required to reach end point 

   

Acetic acid concentration mol/L 

(eq 5.1) 

   

Average acetic acid concentration 

mol/L 

 

Mass of acetic acid in 1 L of 

vinegar, g/L (eq. 5.2) 

 

Mass percent of acetic acid in 

vinegar, % (eq. 5.3) 

 

Corrected mass percent of acetic 

acid (eq. 5.4) 

 

Mass percent of acetic acid in 

vinegar, % (Reported on bottle) 

 

% Error (eq. 5.5)  
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Part C: 

 T-1 T-2 T-3 

Number of drops of vinegar    

Number of drops of indicator    

Number of drops of NaOH solution 

required to reach end point 

   

Acetic acid concentration mol/L 

(eq 5.1) 

   

Average acetic acid concentration 

mol/L 

 

Mass of acetic acid in 1 L of 

vinegar, g/L (eq. 5.2) 

 

Mass percent of acetic acid in 

vinegar, % (eq. 5.3) 

 

Corrected mass percent of acetic 

acid (eq. 5.4) 

 

Mass percent of acetic acid in 

vinegar, % (Reported on bottle) 

 

% Error (eq. 5.5)  
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Part D: 

 T-1 T-2 T-3 

Number of drops of vinegar    

Number of drops of indicator    

Number of drops of NaHCO3 

solution required to reach end 

point 

   

Acetic acid concentration mol/L 

(eq 5.1) 

   

Average acetic acid concentration 

mol/L 

 

Mass of acetic acid in 1 L of 

vinegar, g/L (eq. 5.2) 

 

Mass percent of acetic acid in 

vinegar, % (eq. 5.3) 

 

Corrected mass percent of acetic 

acid (eq. 5.4) 

 

Mass percent of acetic acid in 

vinegar, % (Reported on bottle) 

 

% Error (eq. 5.5)  
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Part E: 

 T-1 T-2 T-3 

Number of drops of vinegar    

Number of drops of indicator    

Number of drops of NaHCO3 

solution required to reach end 

point 

   

Acetic acid concentration mol/L 

(eq 5.1) 

   

Average acetic acid concentration 

mol/L 

 

Mass of acetic acid in 1 L of 

vinegar, g/L (eq. 5.2) 

 

Mass percent of acetic acid in 

vinegar, % (eq. 5.3) 

 

Corrected mass percent of acetic 

acid (eq. 5.4) 

 

Mass percent of acetic acid in 

vinegar, % (Reported on bottle) 

 

% Error (eq. 5.5)  
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Lab 6: Dissociation Constant of Acetic Acid 

Purpose of the Experiment 

The purpose of this lab is to experimentally determine the dissociation constant of 

acetic acid using a 0.5 M NaOH solution and the observed pH of different 

concentrations of acid-base mixtures. 

Background Required 

The background information in the previous chapter is useful in this lab. In 

addition, students should understand how to maintain, prep, and properly use a pH 

meter. 

Background Information 

In tandem with lab 4, this week’s lab continues your study of acid-base titration 

and introduces the concept of the dissociation constant. The dissociation constant 

is abbreviated as Ka and describes the dissociated ions (products) to original acid. 

When an acid is added to water, some of the hydrogen atoms stay in the water, 

which results in the formation of the conjugate base. The cycle of these atoms 

leaving the acid into water and rejoining the acid occurs until equilibrium is 

reached. An example reaction for dissociation is: 

𝐻𝐻𝐴𝐴 (𝐻𝐻𝑎𝑎) + 𝐻𝐻2𝑂𝑂 (𝑆𝑆) →  𝐻𝐻3𝑂𝑂+ (𝐻𝐻𝑎𝑎)  + 𝐴𝐴− (𝐻𝐻𝑎𝑎)  

This reaction shows the parent acid, HA, and its conjugate base, A-, along with a 

hydronium ion formed from the addition of a proton, H3O+. The dissociation 

constant Ka for the above reaction is shown as concentration of each product over 

the concentration of each reactant. 
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So, 

𝐾𝐾𝑣𝑣 =
[𝐻𝐻3𝑂𝑂+][𝐴𝐴−]

[𝐻𝐻𝐴𝐴]  (𝐻𝐻𝑎𝑎. 6.1) 

Notice that water is not included in the denominator of the above quotient. Why is 

that? The concentration of water is reliably constant for all reactions that occur in 

aqueous state, so it can be excluded.  

The method for using a given pH to calculate the concentration of the hydronium 

ion is as follows. This formula is quite useful in this regard: 

𝐸𝐸𝐻𝐻 =  − 𝑆𝑆𝑦𝑦𝑙𝑙 [𝐻𝐻3𝑂𝑂+] (𝐻𝐻𝑎𝑎. 6.2) 

This allows you to rearrange the formula depending on if you are given the pH 

value or the concentration of hydronium ion. For instance, if a problem gives you 

that the hydronium ion concentration is 1 × 10-1 and asks you to determine pH, 

simply plugging in that value into your calculator and solving for pH would leave 

you with the number 1. If the pH is given to you, and you are asked to determine 

concentration, you can rearrange the above formula to read: 

[𝐻𝐻3𝑂𝑂+] =  10−𝐷𝐷𝐻𝐻(𝐻𝐻𝑎𝑎. 6.3) 

In doing so, this allows you to input whatever the given pH is and take 10 raised to 

that number. The value you get will be the concentration of hydronium ion. For 

example, if the pH given is 5, the calculation will be 

[H3O+] = 10−5 which would equal .00001 or 1.0 x 10-5  

A very useful and sometimes delicate instrument in the lab is the pH meter. The 

most common type will feature detachable probes which are connected to a meter 

with a readout. The probes should be treated quite carefully and stored in a storage 

solution when not in use. They should not be allowed to sit out and dry.  
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Before use in an experiment, the probe (electrode) should be calibrated using a 

buffer solution that covers the pH range of what you are testing. After use, as well 

as between testing different solutions, the electrode should be carefully rinsed with 

distilled water to clean it and then wiped with a Kim-wipe or something that will 

not scratch it. 

To complete the results in this lab, in addition to the equations already provided, 

there are a few more equations needed. Some may be familiar while others might 

be new. 

Due to the many equations in this lab, they will be numbered. 

Calibration Calculations: 

𝑉𝑉𝑦𝑦𝑆𝑆𝑦𝑦𝐸𝐸𝐻𝐻 𝑦𝑦𝑜𝑜 𝑦𝑦𝐴𝐴𝐻𝐻 𝐻𝐻𝐻𝐻𝑦𝑦𝐸𝐸, 𝐿𝐿 =  
1 𝐸𝐸𝐿𝐿

𝐴𝐴𝐴𝐴𝐻𝐻𝐻𝐻𝐻𝐻𝑙𝑙𝐻𝐻 𝐴𝐴𝑦𝑦𝐸𝐸𝑛𝑛𝐻𝐻𝐻𝐻 𝑦𝑦𝑜𝑜 𝐻𝐻𝐻𝐻𝑦𝑦𝐸𝐸𝑦𝑦 𝑒𝑒𝐴𝐴 1 𝐸𝐸𝐿𝐿 (.001)(𝐻𝐻𝑎𝑎. 6.4) 

Mixture Calculations: 

Volume of substance added, L = (# drops added)(Volume of one drop, L) (eq. 6.5) 

Total Volume of mixture =  
(Volume of H2O, L) + ( Volume of NaOH, L) + (Volume of HAn, L) (eq. 6.6) 

Calculated Results Calculations: 

Molarity, M = 
𝑚𝑚𝐷𝐷𝑚𝑚𝑣𝑣𝐷𝐷

𝑉𝑉𝐷𝐷𝑚𝑚𝑢𝑢𝑚𝑚𝑣𝑣,   𝐿𝐿
 (eq. 6.7) 

Number of moles substance =  

(Molarity of substance, M) (Volume of substance, L) (eq. 6.8) 

Number of moles of undissociated HAn present at equilibrium =  

(Initial # of moles of HAn) – (# of moles of An- at equilibrium) (eq. 6.9) 

Concentration of substance at Equilibrium= 
# moles of Substance

Total Volume of Mixture, L (𝐻𝐻𝑎𝑎. 6.10) 
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Procedures 

 

 

Part A: Solution preparation (Suggested to be done by instructor) 

0.5 NaOH- While stirring and cooling add 2 g into 50 mL of water. Once  

dissolved bring the final volume to 100 mL 

 

1.0 M Acetic Acid- Add 5.72 mL Glacial Acetic Acid to 70 mL of water and 
dilute to 100 mL of solution. 

 

Part B: Lab prep 

1. Your instructor will assist you in setting up and calibrating your pH meter 

2. Label the solution that your pH meter 

electrode is resting in “pH electrode” 

3. Obtain a 24-well plate and label the well 

grid (if not already labeled) 1-6 going 

across the top and A-D going down the 

side. Use this labeling system to identify 

the various wells.  

Part C: Calibrating Transfer Pipette 

1. Obtain 3 transfer pipettes and label them “H2O, Han, and NaOH” 

2. Obtain 3 medium sized test tubes and label them “H2O, Han, and NaOH” 

3. Obtain and label a 250-mL beaker “Rinses” 

4. Place 10 mL of water, acetic acid, and sodium hydroxide, in the 

appropriately labeled test tubes. 

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are 
potentially harmful. Prevent contact with your eyes, skin, and clothing. 
Avoid Ingesting any of the reagents. 

Caution: 0 .5  M NaOH may be corrosive to metals. Can 
cause severe skin burns and serious eye damage. 

Caution: Glacial acetic acid is a flammable liquid and 
vapor. Can cause severe skin burns and eye damage. May 
be harmful if swallowed. Toxic if inhaled. 

1          2          3          4         5          6 

A 
 

B 

 

C 
 

D 

A-1 
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5. Acquire an absorbent sheet and a clean dry 10-mL graduated cylinder. 

6. Using the appropriately labelled transfer pipet, turn pipet vertical, placing 

pipet tip just below the water line in the test tube, and squeeze the bulb 

removing the air. 

7. Release bulb intaking the water.  

8. Remove tip from water in test tube and remove any excess water at tip with 

absorbance sheet.  

9. Add water to the graduated cylinder until you reach the 3 mL mark.  

10. Add move water to pipette and again remove excess water with absorbance 

sheet. 

11. To calibrate the water, add the water dropwise to graduated cylinder 

counting each drop until you reach the 4mL mark with your meniscus. 

Record the drop count in your results and the observed volume to a tenth of 

a milliliter.  

12. Continue to add water dropwise until you reach 5mL and then 6 mL being 

sure to remove excess water when retrieving more water as needed.  

13. Complete the same procedures to calibrate the other two solutions. Being 

sure to clean and rinse graduated cylinder with about 3 mL of solution being 

calibrated between each calibration. 

Note: Weak acid and NaOH can cause skin irritation, so it is recommended to wear 

gloves and use caution when using absorbance sheet and working in lab.  
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Part D: Preparing and Analyzing Solution Mixtures in wells 

1. Using proper transfer pipette, place the assigned number of drops of water to 

appropriate well. 

2. Using the table provided, add the other two solutions to appropriate well. Be 

sure to use proper pipette to prevent contamination. 
Well Composition of Mixture 

Well ID A-1 A-2 A-3 A-4 A-5 
# drops H2O 15 20 25 30 35 

# drops 
NaOH 25 20 15 10 5 

# drops HAn 20 20 20 20 20 
 

3. Mix each well with a clean glass stirring rod, cleaning between wells. 

4. Reaction should be allowed to fully react (2-3 minutes) 

5. After reaction is complete, record pH of each well using a pH meter. 

6. pH meter should be warmed up, calibrated, and ready to be used.  

7. Your instructor will show you how to properly use the pH meter available in 

your lab.  

8. To record the pH of the solution, place electrode into solution and carefully 

swirl electrode in well, being sure to not touch the sides with the fragile 

electrode.  

9. Be sure to rinse electrode between wells. 

 

Note: All rinses and washes should be disposed of as instructed by 

instructor. 

  
Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

Eq. Solution 
# Drops 

From 
3-4 mL 

#Drops 
From 

4-5 mL 

#Drops 
From 

5-6 mL 
 H2O    

 Average Number of Drops in 1 mL   

5.4 Volume of 1 drop, mL  

 0.5M NaOH    

 Average Number of Drops in 1 mL  

5.4 Volume of 1 drop, mL  

 1.0 M Acetic Acid (HAn)    

 Average Number of Drops in 1 mL  

5.4 Volume of 1 drop, mL  

 

 Well Composition of Mixture 
 Well ID A-1 A-2 A-3 A-4 A-5 
 # drops H2O      
       

5.5 H2O Volume, L      
 # drops NaOH      

5.5 NaOH Volume, L      
 # drops HAn      

5.5 HAn Volume, L      
5.6 Total Mixture 

Volume, L      

 pH      
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 Calculated Results 
 Well ID A-1 A-2 A-3 A-4 A-5 

5.8 # Moles of An-      
5.8 Initial # moles HAn      
5.9 # Moles of dissociated HAn      
5.10 Equilibrium [HAn]      
5.10 Equilibrium [An-]      
5.3 Equilibrium [H3O+]      
5.11 Ka      

 Average Ka  
 Lab Temperature, °C  
 Accepted Ka  
 Percent error, %  
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Lab 7: Observing REDOX Reactions 
Purpose of the Experiment 

Students will use tarnished pennies to observe a copper-oxygen REDOX reaction 

while obtaining copper ions in a solution to be used in a copper-aluminum REDOX 

reaction. 

Background Required 

Students should be able to balance oxidation and reduction chemical reactions and 

be able to find net reaction formula. In addition, students are required to 

understand how to identify oxidizing and reducing agents within a reaction. The 

knowledge will allow for better understanding of REDOX reactions and the 

mechanism of dissociation and bonding within the reactions. 

Background Information 

Oxidation-reduction (redox) reactions are reactions that involve the transfer of 

electrons. These reactions are constantly happening all around us. Photosynthesis 

and cellular respiration are examples of redox reactions. According to the law of 

conservation, electrical charge cannot be created or destroyed. Therefore, if a 

molecule, atom, or ion gains an electron, a process called reduction, there will be 

an opposite simultaneous reaction called oxidation, where a loss of electron 

occurs. To put it simply, as one atom gives up an electron, another atom receives 

that electron. 
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In Oxidation-reduction (redox) reactions, there are two agents. The oxidizing 

agent, which is the agent that causes an element to lose an electron, and the 

reducing agent, which causes an element to gain an electron. 

 

Covalent compounds are compounds that share electrons. Oxidation numbers 

have been assigned to atoms to keep track of electron sharing. This helps one to 

know which atoms are being reduced and which atoms are oxidized. The oxidation 

number is not the same as the formal charge (the number of valence electrons in 

the free atom minus the total number of valence electrons when the atom is 

bonded). But instead, the oxidation number is the charge of the element if it owns 

all the electrons exclusively. Due to covalent bonds (A chemical bond formed by 

sharing electrons), compounds can share electrons—not owning them exclusively. 

The oxidation number determines who gets the electron(s) when a split occurs. 
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When determining the oxidation number of atoms, there are five basic rules:   

1. The oxidation number of a free element is zero. 

For example, N2, He, and S8 all have the oxidation number of zero. 

2. The oxidation number of a monatomic ion is equal to the charge of the ion. 

For example, Cl- has the oxidation number of -1, Cu2+ has the oxidation 

number of +2, and N3- has the oxidation number of -3.  

3.  The oxidation number of hydrogen is +1, except when bonded to a less 

electronegative element, then it is -1.  

For example, hydrogen has the oxidation number of -1 in NaH and +1 in 

HCl. 

4. The oxidation number of oxygen is -2, except in peroxides where it is -1 and 

in compounds with more electronegative elements where it is +2.  

For example, oxygen has the oxidation number of -2 in CO2, -1 in O2 2-, and 

+2 in OF2 

5.  The oxidation number of each group VIIA element in a compound is -1, 

except when paired with an element of higher electronegativity.  

For example, Cl has the oxidation number of -1 in HCl. 

A few other things to keep in mind are adding the oxidation numbers of all the 

atoms on a compound equals zero. For example, in water... 
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Adding the oxidation number of all the atoms in an ion equals the change. For 

example, in the sulfate ion...  

 

 

Simple math may have to be done to find the other element’s oxidation numbers as 

they are dependent on the elements bonded to them. 

The half-reaction method is used to balance redox reactions. The equation is 

separated into an oxidation equation and a reduction equation. Both the net charge 

and number of atoms must be equal on both sides of the equation. Each half-

reaction is balanced separately then added to give an overall balanced reaction. 

There are six steps to the half-reaction method: 

1.  Separate the two half-reactions. 

2.  Balance the atom of each half-reaction. In basic solutions use OH- and H2O 

to balance the O and H atoms. 

3.  Balance the charges of each half-reaction by adding electrons to one side of 

the reaction.  

4.  Make sure that both half-reactions have the same number of electrons so 

that they cancel each other out. 

5.  Add the half-reactions together, canceling out terms that appear on both 

sides of the reaction arrow. 

6.  Confirm that the mass and charges are balanced. 
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Example: Balance this redox reaction using the half reaction method 

MnO4
- + I- → I2 + Mn2+ 

Step 1: Separate the two half-reactions 

I- → I2 

MnO4
- → Mn2+ 

Step 2: Balance the atom of each half-reaction. In basic solutions, use OH- and H2O to 

balance the O and H atoms. 

2I- → I2 

MnO4
- + 8H+ → Mn2+ + 4H2O 

Step 3: Balance the charges of each half-reaction by adding electrons to one side of the 

reaction. 

2 I- → I2 + 2e- 

MnO4
- + 8 H+ + 5 e- → Mn2+ + 4 H2O 

Step 4: Make sure that both half-reactions have the same number of electrons so that 

they cancel each other out. In this example, multiply the oxidation half by 5 and the 

reduction half by 2 

10 I- → 5 I2 + 10 e- 

2 MnO4
- + 16 H+ + 10 e- → 2 Mn2+ + 8 H2O 

Step 5: Add the half-reactions together, canceling out terms that appear on both sides of 

the reaction arrow. 

2 MnO4
- + 16 H+ + 10 I- → 2 Mn2+ + 5 I2 + 8 H2O 

Step 6: Confirm that the mass and charges are balanced. There is a +4 net charge on 

each side of the equation and the atoms are stoichiometrically balanced.  
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Procedures 

 

 

Part A: Preparing a Copper Solution: Penny Study 

1. Obtain 150 mL of vinegar in a 400 mL-beaker and mix in 10g of NaCl.  

2. Obtain 30-40 tarnished pennies and record their description.  

3. Place 30-40 tarnished pennies into solution and mix with stirring rod. 

4. Record observation. 

5. Fold 2 pieces of paper towel into 8 layers. Label “Rinsed” and “Unrinsed.” 

6. Carefully remove half of the pennies (without losing too much solution) and 

place them on the paper towel labeled “unrinsed”. 

7. Remove the remaining pennies, rinse with running water, and place on the 

paper towel labeled “rinsed”. 

8. While timing, let pennies dry, and once a change is observed (on either 

group), record observation for 15 additional minutes. 

9. Add the tarnished pennies back into the original vinegar solution and mix to 

remove the copper ions into the solution. 

10. Record the observations of the solution and pennies. 

11. Repeat this process until a distinct blue solution is observed 

12. Remove pennies the final time and rinse thoroughly. Be sure to keep the 

copper ion solution for part B 

Part B: Al Metal-Cu Solution Study 

1. In the copper solution from part 1 place a 1” x 3” piece of AL foil into the 

solution and record observations of reaction for 30-60 minutes. 
 

 

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are 
potentially harmful. Prevent contact with your eyes, skin, and clothing. 
Avoid Ingesting any of the reagents. 

Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 
Remember to show all calculations in your lab notebook. 

Part A Observations (Copper Metal and Oxygen): 

Oxidizing Agent: 
 
 
Reducing Agent: 
 
 
Reaction: 
 
 
Part B Observations (Copper ion and Al Metal): 

Oxidizing Agent: 
 
 
Reducing Agent: 
 
 
Reaction: 
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Lab 8: Air Metal Battery REDOX Reaction 
Purpose of the Experiment 

The purpose of this lab is to investigate the chemical mechanism behind an oxygen 

(air) copper-zinc battery and determine the impact electrolytes (saltwater and 

bleach) have on the battery. 

Background Required 

Students should know the fundamentals of redox reactions and the mechanics of 

batteries. Students should also be familiar with stripping wires. 

Background Information 

A battery is the center of chemical to electrical-energy conversion. The device 

most commonly uses fruit as a real-world substitute. Fruit can store chemical 

energy and convert it into electrical energy, which is like the mechanism of a 

battery. Just like any battery, the fruit battery is only efficiently functional when 

consisting of a negatively charged and positively charged electrodes that interact 

with an electrolyte that also consists of zinc and copper. 

The acidity and basic nature of the fruit battery determines the strength of 

electrolyte. Weak acid or weak base in fruit makes a weak electrolyte. And the 

opposite applies, making strong acid/base fruit batteries consist of a strong 

electrolyte. The electrolyte gives a passage for positively charged ions to flow; rate 

of flow of ions depends on the strength of the electrolyte. 
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In addition, there are various components involved in the setup/build of the battery. 

There are typically copper-like materials (e.g., wire or even pennies), alligator 

clips, battery nails painted with zinc, a multimeter to measure various electrical 

components of the battery, circuit wires, and light-emissive LED lights or small 

battery to confirm an electrical current. The extent of light emitted is dependent on 

the capacity of the fruit battery (the fruit being used). Previous studies show that an 

apple has demonstrated the biggest voltage output out of 100s of fruits tested. This 

means that the higher the acidity and size of fruit, the higher the voltage. And the 

opposite applies because fruit which were small and had little acidity, had minimal 

and ineffective voltage output. The distance between the electrodes also plays an 

essential role in voltage output of the fruit battery. The larger the distance/space, 

the higher the voltage. The opposite applies. 

In order to have effective fruit battery function, there needs to be a high level of 

electronegativity between the anode and the 

cathode. The cathode is meant to accept then 

electrons, while the anode donates them. Most 

commonly, zinc and copper electrodes are used 

in fruit batteries. 

 As observed on the periodic table, copper has a higher electronegativity than zinc, 

meaning that zinc acts as an anode and will donate electrons to copper.  
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Hence, copper is recognized and behaves as the cathode. As mentioned, the acidic 

nature of the fruit helps generate and conduct electricity. This process is aided by 

an electrolyte. In most fruit, citric acid is the most common acid and exists as a 

weak electrolyte. The strength of the electrolyte is essential for an effective battery. 

Citric acid, which is a weak electrolyte, will not dissociate completely. Thus, the 

flow of ions will not allow for high generation of electric current. The opposite 

applies to common table, salt sodium chloride (NaCl). NaCl being an ionic 

compound completely dissociates to form Na+ and Cl- ions. Therefore, it is a strong 

electrolyte and has the potential to generate a high electric current. 

Mechanism of Current flow in Air Metal Battery 

The mechanism of the battery is driven by the chemical reaction that rises from the 

bond between zinc and the electrolyte present. The electrolyte, when encountering 

zinc, becomes oxidized, due to the metallic nature of zinc. That oxidation process 

excites the free electrons to transport through circuit wire and into copper, which is 

a reduction phenomenon. Once the oxidation to reduction mechanism becomes 

active, hydrogen ions present in fruit environment become reduced and hydrogen 

ions are turned into their gaseous form (hydrogen gas). The bubbles observed on 

the copper anode are visible to the naked eye are a physical representation of the 

H-gas forming. Hence, the energy generated from the electronegative exchange 

between Zinc & Copper, and the 

Hydrogen phase-change, result in 

current-generation that can be read 

by the multimeter. These currents 

can also produce enough energy to 

power electronics. 
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Procedures 

 

 

1. Setup components for battery 

2. Strip both ends of all three wires using wire cutters or scissors by ~ 1.5 inches. 

 

 

 

 

3. Insert exposed wire through the hole on alligator clips and twist wire together to secure 

wire to clip. Connect an alligator clip to each end of wire. 

 

 

 

 

 

4. Connect alligator clips to metal samples and multimeter based on diagram.  

 

 

 

 

 

Note: Adjust multimeter according to instructor. 

  

Caution: Wear departmentally approved safely goggles while doing this 
experiment. ALWAYS USE caution in the laboratory. Many chemicals are 
potentially harmful. Prevent contact with your eyes, skin, and clothing. Avoid 
Ingesting any of the reagents. 
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5. Acquire distilled water. Place 150 mL of water in each 250 mL beakers. Submerge 

electrodes based on diagram. 

 

 

 

6. Record observed voltage on results sheet based on table conditions. 

7. Acquire tap water. Submerge. Record voltage based on table conditions. 

8. Prepare Salt Solution 1 in each 250 mL beaker. Submerge. Record voltage. 

a. Salt Solution 1 (6 g salt added to 150 mL distilled water). Mix until dissolved. 

9. Prepare Salt Solution 2. Submerge. Record voltage based on table conditions. 

a. Prepare Salt Solution 2 by adding an additional 6 g of salt-to-Salt Solution 1. Mix 

until dissolved. 

10. Prepare Salt Solution 3. Submerge. Record voltage based on table conditions. 

a. Prepare Salt Solution 3 by adding 4mL of bleach to Solution 2. Mix until 

dissolved. 

11. Prepare lemon battery and set up using diagram replacing the two beakers with the two 

lemon halves. 

a. Prepare lemon by rolling the whole lemon between hands releasing the juices. 

Once soft, cut lemon in half.  

Optional Experiment: Connect LED light to battery and rank light intensity of various 

solutions. 

Color/Voltage Chart 

Red 20 mA 2.0-2.2 v 2000-3500mcd 

Yellow 20 mA 2.0-2.2 v 3000-4000mcd 

White 20 mA 3.0-3.2 v 12000-14000mcd 

Blue 20 mA 3.0-3.2 v 3000-4000mcd 

Green 20 mA 3.0-3.2 v 15000-20000mcd 

 

  
Caution: Wash your hands thoroughly with soap or detergent before 
leaving the laboratory. 
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Results 

Remember to show all calculations in your lab notebook. 

Sample DC Voltage 

at  

30 seconds 

DC Voltage while 

stirring with rod/ Light 

Intensity ↑ or ↓ 

Relative Light 

Intensity 

1 (Highest) – 5 

(Lowest) 

Distilled Water     

Tap Water     

Salt Solution 1     

Salt Solution 2 

(↑Concentration) 

    

Salt Solution 3 (+ 

Bleach) 

    

Lemon Juice     

 

Using supplied literature. Propose the chemical reactions present in your 

circuit solution. 

Oxygen (Air) Battery: 

Location Chemical Reaction E° 

At Anode   

At Cathode   

Bubbles forming 

(Side Reaction) 

  

Net Reaction of 

Circuit 

 𝐸𝐸𝑣𝑣𝑣𝑣𝑛𝑛° = 
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What is the role of the NaCl in the solution? 

 

 

Explain the impact the addition of bleach has on the system chemically and 
physically. 

 

 

How did the weak electrolyte citric acid (lemon juice) compare with strong 

electrolyte solutions sodium chloride (NaCl)? 

 

 

What Color is your LED light and associated voltage range? How does that relate 

to the light intensity? 

 

 

 

Observations at the electrodes: 

 

 

Select a circuit to sit overnight. What did you observe after 8-12 hours? (Optional) 
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