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Safety
 
(First, Last and Always)

Safety is paramount to any endeavor. It is especially important in science because you are dealing with chemical reactions and performing techniques for the first time in your life. This makes the laboratory a new and exotic place and therefore, it can be a potentially hazardous place. You have to know what you are doing; take a step back and ask yourself if there is a safer way of working. When in doubt of any operation always ask the instructor for their advice or review a text on the technique you plan to perform. The experiments that you will be performing do not involve any explosive nor carcinogenic substances, and rest assured that all of the experiments are generally accepted to be very safe to perform. Here are some wise words of advice that you should take to heart in working in any laboratory.

Preventive Safety
1. Wear your goggles. Wear goggles. Wear goggles. The time you get lazy and take off your goggles is the time you can lose your sight. Contact lenses are NOT permitted. If you regularly wear contact lenses, you must bring a pair of glasses (with a current prescription) in order to enter the laboratory; these glasses CANNOT be worn in lieu of safety goggles. You must wear safety goggles over your prescription glasses like in the photograph below:

[image: ]

2. Next, use common sense. If it doesn’t feel right, stop and ask someone.

3. Relax. The more uptight you are, the greater the chance for accidents.

4. When working with a noxious substance, work with it under the hood.

5. Know your chemicals by reading about them before working with them in the laboratory.

6. Never ingest any laboratory chemicals even if it is known to be safe, like sodium chloride; airborne contamination can and does occur. 

7. Food and drinks can also become contaminated by airborne chemicals. Therefore, eat before lab (you will never like lab if your hunger makes you impatient and irritable). Never bring food into lab, even if it is wrapped up in you back pack. Gases have little respect for boundaries, such as canvas, paper and plastic.

8. Advise the instructor of any known (or suspected) chemical allergies you might have before the start of the laboratory.

9. Dress in old clothes. Everyone spills stuff and holes can easily develop within a week or two after fibers have been damaged by acids or bases. Open toed sandals or shoes cannot be worn in the lab and jewelry should be left at home. Long hair should be tied back since it could catch fire, interfere with your vision, or accidentally get into chemicals and equipment. 

10. Have fun in lab but don’t play any jokes on people. 

11. No one is permitted in the laboratory outside of regularly scheduled hours without an instructor being present.  

12. Treat all chemicals as if they were hazardous. Some very safe substances can also be very reactive.

13. Avoid breathing dust or vapor where possible.

14. Know where all exits are in the laboratory. In case of fire never use the elevators. Know where all fire extinguishers, fire blankets, eye wash and shower stations are just in case you have to use them.

15. Glass beakers look the same cool as they do hot. Use tongs if you have any doubts of their temperature.

16. Always add acid to water, never water to acid. (The less dense water can splash when it is poured on the more dense acid and carry with it some acid onto your clothes or skin.)

17. If a solution in a test tube is initially heated very intensely, the contents of the test tube could splatter. Do not position the test tube in a manner which allows the solution to be expelled in the direction of another student.

18. Never rub your eyes with your hands while working in the lab. Always wash your hands after working in the lab. If you do not, chemicals from the lab can be ingested when you eat your next meal.

Corrective Safety
19. If you experience any irritation in your eyes, use the Eye Wash and rinse your eyes for 15 minutes. Notify the instructor.

20. If a spill occurs, notify anyone working around the spill and inform the instructor.

21. If you feel ill, move to a well ventilated area either near a window or outside the lab. Notify the instructor.

Disposal 
The disposal of toxic chemical waste is an important problem facing our society today. It affects everyone and everyone can help. We can help by disposing of our waste after each experiment in labeled bottles, most of which will be found under the hoods. This waste can then be treated by a licensed waste disposer at a minimum of expense. There are some guidelines that you should be aware of: 

1. When in doubtbefore pouring things down the drainask the instructor.

2. Keep one type of waste separate from another; for example, discard organic and aqueous wastes into separate containers. Never mix an acid or base into organic waste.

3. Most organic wastes should not be poured down the drain, with the exception of ethanol. 

4. Halogen and non-halogen organic wastes should never be mixed.

Iodine Chemistry 
You will be using iodine in many of these lab activities. Two important points you must remember involve how to use iodine safely and removing iodine stains from your hands and clothes.

1. When heated, solid iodine changes to a purple gas which is toxic to inhale in large doses. If you ever observe purple gaseous iodine, do not let the gas escape into the air. Discontinue heating and move the source of iodine to one of the ventilation hoods.

2. Iodine will stain hands and clothes orange. These stains should be removed since in time they will irritate the skin and damage fabrics. Iodine can be removed with a solution of sodium thiosulfate which is available in the lab. If you notice an iodine stain away from the lab, rubbing alcohol can be used in place of sodium thiosulfate.




From a Mixture to an Element

Chemists are often depicted in movies or in books as eccentric and absent-minded professors. In reality chemists are very in touch with the needs of society and are more practical than you may think. Chemists often isolate substances found in nature or create new substances that benefit our health. This activity is a case in point. You will be isolating an iodide salt that will be used to prepare a tincture of iodine. Sold as an over-the-counter drug in your local pharmacy, iodine is used as an antiseptic on cuts and scrapes of the skin. Iodine has also been used to sanitize swimming pools and medical instruments, purify drinking water and is used in the treatment of goiter (swelling of the thyroid). I hope that this activity will convince many of you that chemistry can allow us to attain a more healthful and enjoyable life. 



FOCUS QUESTIONS:
 
1. How can I make a Pharmaceutical Product from Seaweed?

2. Can a Single Substance be isolated 
from a Mixture (i.e. Seaweed)? What is this substance?



First, Last and Always

Safe Handling 
1. Iodine is a moderately corrosive substance so do not pick up pieces if spilled. Always use a dust pan. Iodine stains of the skin can be removed with a solution of sodium thiosulfate which will be supplied in the lab. If you notice any stains on your body or clothes outside lab, apply rubbing alcohol to the area and rinse off with water. Clean off any spatulas that have come into contact with iodine. If you ever observe the formation of a purple gas, immediately remove the vessel to the hood. 

2. Rubbing alcohol (isopropyl alcohol) is flammable. You should not be using it when your Bunsen burner is on. 

Disposal                                                                      
1. All solutions will be collected in waste beakers, NOT discharged down the drain. 

2. Seaweed and used filter paper can be thrown out in the garbage. 

3. Used matches are placed in waste beakers, NOT thrown out in garbage pails.	







Warm-Up:

Before reading this activity, answer the following questions and hand it in to your instructor.

1. Coffee beans are crushed into small pieces, water is added to it and the mixture is heated over a flame. What do you think would happen to the coffee beans as it interacts with the water? Explain your prediction.

2. What would happen to the water if instead of coffee beans, strips of dried seaweed were used. Explain your prediction. 

3. Define the following terms: decant, filtrate, extract, precipitate, tincture

Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

iodine crystals 
tincture of iodine from a pharmacy 
Laminaria (kelp) or Fucus seaweed 
Rubbing or isopropyl alcohol 

1. A Tincture of Iodine or Tincture of Iodides is a common medicine sold in many pharmacies. It is mostly used as an antiseptic on cuts of the skin. The ingredients or chemicals that make up this tincture can be found on the label and include: “Iodine, alcohol, purified water, and sodium iodide.” The active ingredients are iodine and sodium 

iodide. To chemists who are knowledgeable about iodine chemistry know that another chemical exists whenever iodine and iodide are present. The chemical is called triiodide (I3‾) and is produced by the following reaction:
 
	I2 + I‾    I3‾ 

Triiodide consists of three monatomic iodine atoms covalently bonded together resulting in an overall negative charge of 1). Therefore a tincture of iodine contains three important chemicals all dissolved in water and alcohol. 
	
	Tincture of Iodine 
a) Iodine
b) iodide ion (from sodium iodide)
c) triiodide ion

A commercial tincture of iodine is available in lab for you to examine. What color is a commercial tincture of iodine?

2. In today’s lab you make up your own Tincture of Iodine. You will accomplish this by extracting iodide from seaweed, specifically a Japanese seaweed called Laminaria kelp (also called Fucus seaweed). The iodide will be added to a small amount of Iodine which will be supplied to you from the stock room. In order to conduct a successful extraction and isolation of iodide you must know how to use a balance, ignite a Bunsen burner, as well as heat and filter a solution (your instructor will show you how to do this).

3. Cut a strip of dried seaweed into approximately ½ inch pieces. Weigh out about 6 grams and transfer the sample to a 150 mL beaker. Record the exact weight into your lab notebook and the appearance of your seaweed.

4. Fill the beaker about three quarters with distilled or deionized water and agitate the seaweed with a stirring rod. You are doing this to remove any monosodium glutamate that is on the surface of the seaweed. Pour off the water into the sink. Now, add about 40 mL of distilled or deionized water to your seaweed and heat just under boiling for about 5 minutes. Figure 1 below represents the heating setup you will need to build (you will need a Bunsen burner, a ring stand, a medium sized ring, and a square piece of wire gauze. An additional large ring, if available, can be placed over the beaker to prevent it from tipping over). Ask your instructor to check your setup before heating. Try to MINIMIZE BOILING or you will evaporate off most of your water. Stir occasionally with a glass rod. 

[image: ]

Figure 1: A general setup to heat substances using a Bunsen burner. 
Note that the beaker is suspended by a ring and wire mesh

5. After the five minutes is over, let the beaker cool somewhat for a couple of minutes. Then using your hands carefully remove the beaker from the stand (do not use a pair of crucible tongs since many beakers are broken that way). 

6. Separate the seaweed from the extract by constructing a filtering setup (see Figure 2; you will need a filter, Whatman #4 filter paper, a ring stand, a ring, an evaporating dish, a wash bottle filled with deionized water, and a glass stirring rod). Fold your filter paper into fours or make additional folds to create “fluted” filter paper (your instructor will demo this). The evaporation dish should be under the funnel and a moist piece of filter paper should be in the funnel. Ask your instructor if your setup is correct.

7. Decant the warm solution into a funnel containing a piece of filter paper, leaving as many pieces of seaweed behind as possible. The pale solution in the evaporating dish is called the filtrate. If the filter paper becomes clogged, replace it with another piece; it is not necessary that all of the extract be filtered. The goal is to transfer at least 2-3 mL of filtrate (estimate or use a graduated cylinder) into the evaporating dish. There are 3 different situations that can happen:

a. More than 3 mLs is collected in my evaporating dish. If this happens you will have to evaporate off some of the water. This can be done by heating the evaporating dish containing the extract over a Bunsen burner until the solution is reduced to 2-3 mLs. DO NOT HEAT TO DRYNESS OR BURN! The setup for this is similar to that in figure 1 where the evaporating dish will replace the beaker.

b. Less than 2 mLs or no filtrate is collected in my evaporating dish. If this happens you have to transfer your seaweed into a beaker, add 10 mL, heat to a boil, stir, and then refilter. Don’t let the water evaporate.

c. About 2-3 mLs is collected in my evaporating dish. If this happens you should not reduce the volume of your filtrate by heat. You are ready to make your tincture of iodine. 

Making a Tincture of Iodine using your seaweed filtrate
 
8. Pour your extract into a clean beaker, and then add 3 pieces or crystals of iodine (they are very small; don’t take more than three). Stir and crush with a stirring rod. 

9. Leave the iodine in the extract for about 10 minutes and observe. Hopefully you have just made a Tincture of Iodine. Now, join with a neighbor and combine your Tinctures of iodine into one beaker. You will use this combined mixture to perform identification tests.

10. In order to determine if you indeed made a Tincture of iodine, conduct on your lab-made tincture three qualitative tests for iodine, iodide ion, and triiodide ion. Perform the same three tests with standard or known samples of iodine, iodide, and triiodide (See the table on the next page and don’t hesitate to ask your instructor for help in understanding it). Do the results of the tests on your lab-made tincture and the standards match? Did you make a medicine from seaweed? Remember to describe all reagents and all changes.

11. Please note: The directions to prepare the standards can be found directly below the name of the substance in parentheses. In many instances the directions for the tests call for a “small spatula tipful” of substance. This quantity is not an exact one since these tests are not quantitative. A “small spatula tipful” can be visualized to be about the size of a pea. Also, when asked to use a crystal of iodine, this means just one individual piece which might look like a grain of sand. Yes, this is small but it will produce good results.








Figure 2: Funnel used for filtering a solution into an evaporating dish (a graduated cylinder could also be used to collect 2-3 mls of filtrate and then transferred to the evaporating dish)


	Name of Test
	Standard
	Test Procedure to be 
performed on standard (knowns)
	Test Procedure to be
Performed on home-made Tincture

	Test for Iodine (I2)
	Solid iodine is available in the lab in a labeled test tube.

(do not use tincture of iodine from pharmacy)
	When about 20 drops of mineral oil is added to a test tube containing 2 crystals of iodine a purple layer will form. (Please note the following: Mixing is necessary and can be accomplished by flicking the test tube with your finger, using a stirring rod, or by drawing up the bottom aqueous layer with a Pasteur pipet or long stemmed eye dropper and squirting the extract through the top oil layer. Keep mixing for a few minutes until no change is noticed.)  A few mL of water can be added to enhance visibility. Observe the test tube by holding it eye-level against a lighted background such as a window.[footnoteRef:1]  [1:  Mineral oil is immiscible and less dense than water, therefore, it will form a top layer in the test tube above the water. Because iodine is a nonpolar substance, it is more soluble in a nonpolar substance such as mineral oil (like dissolves like), than it is in a polar substance such as water. Iodine migrates into the mineral oil layer and changes mineral oil from colorless to light purple.] 


	Remove about 1/3 of your tincture with a Pasteur pipet and then add about 20 drops of mineral oil. Mix and observe. If the mineral oil turns a shade of purple (either dark, or light such as a pink), then the Tincture is positive for iodine. The shade depends on how much iodine is present. A few mL of water can be added to enhance visibility. Observe the test tube by holding it eye-level against a lighted background such as a window.



	Test for Iodide ion (I-)
	Iodide ion can be prepared by dissolving a spatula tipful of potassium iodide in a few mL of de-ionized water.
	When 1 mL (about 20 drops) of 0.1 M silver nitrate is added to a test tube containing 5 drops of iodide ion, a yellow precipitate is formed.

	Remove about 1/3 of your tincture with a Pasteur pipet and then add about 20 drops of 0.1 M silver nitrate, a few things can happen:
1)a white precipitate only, indicating chloride ion is present predominately (NaCl in salt water).
2)a yellow precipitate only, indicating iodide ion is present predominately.
3)a white-yellowish precipitate, indicating chloride and iodide ions are present predominately


	Test for Triiodide Ion (I3-)
	This ion can be prepared by adding 1 to 2 crystals of iodine into a few mLs of water and then adding a spatula tip of sodium iodide or potassium iodide.
	A visual inspection will do since the orange to red-brown color is characteristic of the triiodide ion. Your standard might need to be diluted with water to compare the shade of the color.
	Triiodide is present if your tincture is a shade of orange or red-brown. This means it can be as pale as a light yellow orange to as dark as a deep red-brown. The shade depends on how much triiodide is present.




Balances

Procedure for Weighing on the Top Loading Balance
1. First examine the balance especially the plate; see if it is free from any solids or liquids. Next, determine if the balance is level by examining that bubble gauge. Ask you instructor to adjust it if the bubble on the face of the balance is outside its circle.

2. The balance should be set to read in grams (g), not in any other unit. If your balance does not read in grams press the function key until a "g" appears.

3. Zero the balance if need be by pressing TARE on the panel. A slight flickering in the last decimal place of + 0.001 is OK.

4. Once zeroed, the vessel or a piece of weighing paper that will hold your sample can be placed on the balance and its weight measured.

5. The sample to be weighed is then added to the vessel or weighing paper and the previous procedure repeated. To find the mass of your sample, the difference between these weighings is calculated. This is called weighing by difference. 

6. Another method of weighing is called tarring. By pressing TARE when an empty vessel or weighing paper is placed on the balance, you are offsetting its weight and making it read zero. Putting your sample into this zeroed vessel will produce a value that is the actual weight of your sample. This is an alternative and faster method to weighing by difference.

7. If there are any windows or lids on the balance, close them since drafts can affect how the balance measures your objects.

8. Read the weight of the object in grams directly from the digital scale once it is stabilized; this is usually indicated when a small comma or blinking dot disappears near the grams unit.

9. It is good technique to always use the same balance during the experiment that you are conducting. This is especially true when the balances are being used (and misused) by so many students. One or more of the balances can easily become uncalibrated. Weighing by difference will overcome this problem.

Transferring a Solid

1. Always read the label on the bottle to be sure of using the correct reagent. 

2. Many times a spatula will be attached to the side of the bottle to be used and returned to its holder. This is done in order to minimize inadvertent contamination from multiple spatulas retrieving samples. Don't let the common spatula touch the bench top since this too can cause contamination of the reagent.

3. If there is no common spatula and the reagent bottle has a glass stopper then first remove the stopper by putting it between the pointer and middle fingers with your palm faced upward and pull upwards. If the glass stopper is too large to easily grasp, remove it and place in on a paper towel. For controlled removal of the solid from the container, grasp the bottle with the label against your hand, tilt, and rotate the bottle. This should prevent a large amount of reagent from suddenly falling out from the bottle.

4. Get a good idea of how much you need. Don't take more since it cannot be returned to the bottle. NEVER RETURN AN UNUSED REAGENT BACK TO ITS ORIGINAL BOTTLE. Give any extra reagents to other students or dispose of properly. For large amounts, notify your instructor.

5. Always recap the bottle and clean up any spills.


Using the Bunsen Burner

The Bunsen burner is a common heat source for lab work. As shown in the illustration below, the burner works by a supply of gas from an outlet on the lab bench top which travels through a piece of rubber tubing into an opening near the bottom of the burner. At the base of the burner, the flow of gas is regulated by a needle valve and is mixed with air through ducts in the barrel. The amount of air can also be regulated by rotating the bottom of the barrel of the burner or what is sometimes referred to as the air port control knob. At the top of the barrel, the gas/air mixture is ignited producing a flame.
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Follow the procedures below for lighting and adjusting the size of the Bunsen Burner flame.

1. Attach the rubber tubing from the gas outlet to bottom inlet of the Bunsen burner. 

2. Turn the needle valve which controls the gas flow clockwise until it cannot be turned. At this position no gas can flow into the barrel. Open the knob by turning it three half turns counterclockwise.

3. Turn the valve at the gas outlet until it points straight out, parallel with the nozzle; now the gas supply (ethylene) is fully on. You should hear and smell the gas. (To turn the gas off, turn the valve either direction until the valve is fully perpendicular to the nozzle.)

4. Using matches or a gas lighter (or striker) light the Bunsen burner. (The proper technique for using the gas striker depends on keeping a small amount of gas trapped in the lighter's cup that will ignite when the flint is sparked.) If you have trouble lighting the burner, extinguish the light and adjust the air control knob a few turns. Try lighting the burner again. If this fails, try opening up the needle valve a bit to increase the gas flow.

5. Determine the appropriate size to make your flame. A low flame should correspond to about 1 inch in height while a high flame should be about 2 inches tall. You can adjust the height of the flame at one of two places, the valve at the gas outlet or with the needle valve. 
Whatever flame size you choose, it should have a well defined blue inner cone in the flame. If a yellow sooty flame instead is present you have turned the air control knob in the wrong direction (letting in too little air and too much gas). 

6. When the flame is present, it is safe to touch and pick up the burner at its base. Above this, the burner is too hot to touch.

7. If a flame is observed at the base of your burner don't panic. Either blow out the flame or turn off the gas outlet off. Try to reignite your burner. If the leak ignites again, notify the instructor and another burner will be issued. 

The Temperature of the Flame
The temperature of the Bunsen burner flame varies with location. The hottest part of the flame is at the tip of the blue inner cone which is approximately 1500 C, followed by the outer cone which lies just above the blue cone. The lowest temperature is within the bright blue inner cone, since in this region no combustion is occurring.

Using Graduated Cylinders
The graduated cylinder is fairly easy to use. Two main concerns are filling and measuring. When filling a cylinder or for that matter any beaker or test tube, always let the glass lip of the vessel you are pouring into the cylinder touch the cylinder's lip. When glass meets glass you will minimize the potential for the solution being transferred to run down the outside of the container. 

When measuring the volume of an aqueous solution contained in a cylinder or any volumetric labware, one always reads at a point that corresponds to the bottom of the solution's meniscus. Your angle of viewing should be perpendicular to the meniscus or at the same height of the meniscus. If this means bending down or repositioning your body, then do so.
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A Post-Lab Checklist

	Warm-Up 

		Make sure you have the following:
		
		Observations of all reagents, starting materials and changes during extraction 
		Observations of all tests 
		Tabulated test results (+ or -) 

	 Answer the Focus Questions
	
	 Answer the following Post-lab Questions:

1. It is only through the study of isolated and purified elements and their combinations that one can observe characteristic properties and make cause and effect relationships. What does this statement mean and why can’t this be said about mixtures? 

2. A water disinfectant that uses iodine can be purchased at most stores that sell camping and hiking equipment. One such product is called Polar Pure Water Disinfectant. The following description was written on the label this product: 

POLAR PURE WATER DISINFECTANT

DESTROYS WATER - BORNE PATHOGENS
(INCLUDING GIARDIA)

DIRECTIONS FOR USE
Fill this iodine bottle with water and shake. Solution [is] ready to use in one hour. Pour required capfuls (see DOSAGE table) of solution into a quart of drinking water (double dosage for cloudy water). Let stand 20 minutes before use: after this flavoring may be added. To destroy Giardia cysts. drinking water must be 200C (680F) minimum (water can be warmed in sun or add hot water to cold). Refill iodine bottle with water after each use so solution will be ready for use one hour later. Crystals in bottle make enough solution to treat 2000 quarts drinking water. Do NOT freeze. Do not reuse bottle. Discard safely.
		• Solution effective as long as any iodine crystals are visible.
		• Particle trap prevents crystal loss.
		• Solution not affected by age, air or temperature.
Use solution only; crystals harmful if swallowed and may damage skin or eyes on contact. FIRST AID: Internal, drink starch in water; for skin and eyes flush with water. Call a physician.			

How would you test if this product really disinfects drinking water? What experiment would you do? 

3. The following is a procedure taken from the 1990 US Pharmacopeia (p. 703) for making a tincture of iodine:

“Iodine Tincture contains, in each 100 mL., not less than 1.8 Gm. and not more than 2.2 Gm. of iodine (I), and not less than 2.1 Gm. and not more than 2.6 Gm. of sodium iodide (NaI). Iodine tincture may be prepared by dissolving 20 Gm. Of iodine and 24 Gm. of sodium iodide in 500 mL. of alcohol and then adding sufficient purified water to make the product measure 1000 mL.”

What is the purpose of alcohol (ethanol) in this procedure? 	

Did you know... Available in the 1800’s, a tincture of iodine is one of the oldest drugs prescribed by doctors. It was used by civil war physicians to treat battle wounds. It is still used today but is not as popular as it once was since it stains the skin and clothes a brown color and can irritate sensitive tissue. These drawbacks have been reduced with the use of iodophors. Iodophors are complexes produced from a reaction between iodine and surface-active agents or polymers. They retain their germicidal activity without many of the problems associated with iodine. Iodophors are non-staining, water soluble, and are less irritating to the eyes, mucous membranes, and skin.

Iodine was discovered by the Frenchman, Bernard Courtois, in 1811. He observed a purple vapor of iodine emanating from the ashes of iodine that were treated with sulfuric acid. In a similar manner, early commercial production of iodine involved extraction of iodides from seaweeds by ashing, followed by oxidation and distillation to purify the product. Extraction from ore later replaced seaweed as the main source of iodine recovery.
Physical Properties of Zinc and Iodine

You have seen how iodine can be extracted and isolated from a natural product such as seaweed. In this investigation we will study some of iodine's properties and compare these observations to those found in the chemical literature. In addition to this, we will study the properties of another element, namely the metal zinc. Some of the data you will be collecting can be represented by graphs. You will be introduced to a commercial graphing software program that many scientists use called Excel for Windows. Why is graphing such an important technique? It is important because it allows us to see the relationship between two variables. From this relationship we can write an equation that can be used to predict the value of one variable knowing the other. This is nice because we don't have to work in the lab every time we want to know something or look through pages and pages of graphs. Instead we can carry a small digit equation in our minds. This is quite handy don't you think?



FOCUS QUESTIONS:

1. How well does the appearance and solubility, of iodine and zinc respectively, compare with information presented in the CRC Handbook of Chemistry and Physics?

2. What is the graphical (graph shape), mathematical (equation of the graph) and 
numerical (value of slope and y-intercept) relationship between 
the mass of a piece of zinc and the volume of space it occupies?



Warm-Up

Exploring Straight Lines
Before you go any further, get a sharp pencil and ruler. We will be making graphs by hand using the five sheets of graph paper at the end of this tutorial. This is an interactive exercise which will be invaluable for this and future lab activities.

Why are straight line graphs important? Straight line graphs represent one of the simplest 
ways to understand relationships between two variables. For example, a straight line graph indicates to a scientist or mathematician that one variable is proportional to another: as one variable increases so does the other by a certain factor, or as one variable increases the other decreases by a factor. In many instances, scientists look for the simplest relationship between variables—they "look for linearity"—before testing out more complex relationships. This method is analogous to searching for a misplaced object. Most people would probably begin their search at the most likely places the object could be found and move to the more unlikely. There is no law you have to do it this way, but it could save you time recovering the object. Another example might be relating a story to a friend. Most people tell a story with a beginning, middle and end that is chronological in time. This is not the only way to tell a story, but it is one way that will allow the listener to easily comprehend what you are saying. In terms of graphing, it is easier to graph simple relationships than more complicated ones. So let’s start simple and practice graphing straight lines.

In an effort not to repeat ourselves, we would like you to read steps #1 to #16 describing some of the key rules of graph making. We will dare to assume that after reading this, you will be able to construct a straight line graph if given appropriate data (you will be given practice exercises in this worksheet to see for yourself if our assumption is right). One key point I want you to remember and that students always forget: When taking the slope of a line, always choose two points that lie exactly on the line, not data points that are near the line.

Equation Writing
One important aspect of graphing is equation writing. In other words if you are given a straight line or if you graph one, can you generate an equation for a straight line?

To answer this equation, you have to know some facts about straight line equations. The general mathematical form of a straight line is,
 
y = mx + b

where y and x are variables (like time and distance), m is the slope and b is the y-intercept (the value of y when x is zero). Mathematically the slope is defined in a number of ways:

One way:   [image: ]

Translation: The value of y on the line at location 1 subtracted from the value of y on the line at location 2 is divided by the value of x on the line at location 1 subtracted from the value of x on the line at location 2. 

A second way: [image: ]

Translation: The change in y is divided by the change in x (it is assumed you are using the
same points two points on the line). One easy way to remember the definition of slope is by invoking the phrase, "Rise over Run." Think about a slope of a hill, it rises as you run up it. 

When using a graphing program, an equation for a straight line is usually given like the one below. 

y= 1.0571x – 9.4429e-5

Let’s make sure we can identify the parts of this equation. 1.0571 is the slope since it connected to the x term. The y-intercept is -9.4429e-5 where the e in this specific computer program stands for exponent of the 10 power. So this value is equal to -9.4429 x 10-5 or -0.000094429 which is very, very close to zero. We can identify the y-intercept because it stands alone.

You could generate a plot of this equation by using a ruler and your eyes instead of relying on a computer. It might not be to a high level of accuracy (all those significant digits) but it could still be a fair description of your data. You can make a paper and pencil plot that represents this equation by plugging in 4 or 5 random x values into the above equation and then calculate the y values. This x and y data can then be plotted on the graph paper and a bisecting line drawn between the points. I will call this Graph #1. 

If you drew your line to where it intersects the y axis when x is zero, you should write 0 as your y-intercept, and if you picked two points on the line (don't pick two data points, pick two x,y values on the line) you would have found a slope of about 1. If you have written the equation as y=1x + 0  or  y=0 + 1x you are correct (the first way where the y-intercept is placed at the end of the equation is the more accepted way of writing a straight line equation).

To practice some graphing try generating equations from the following data. First graph the data, draw a visual linear fit, and then construct an equation. The answer is on the next page so don't turn the page just yet. I will call this Graph #2.


Y variable   X variable
		0.037	5.0
		0.075	10.0
		0.100	15.0
		0.143	20.0
		0.200	25.0


Your graph should look something like the one below (I made the x axis to be zero and then I made my y axis to have a minimum value of -0.04 so I could visually observe my y-intercept):

[image: ]


After making a line that visually approximates these points I calculated the slope. Putting the slope and y-intercept together I came up with the equation,

y = 0.008x – 0.01

Is this what you got? 

The next question is, can you use this equation to predict a value between data points or beyond the data points? For example, if I gave you a value of x to be 45 (a value off the graph), what would you predict y to be? If I gave you a value of y to be 0.12 (a value between data points), what would you predict x to be? In the latter question, you can use the graph to predict the x value since the y value is between data points. In this way, both the graph and the equation have predictive powers.

Going Backwards
What about this situation: you are given the equation and have to make a graph. To go backwards, you don't have to generate a whole bunch of points; you need only two since two connected points make a straight line. Now try graphing the following equation. I will call this Graph #3.

 y = 20x – 10


First identify the y-intercept (-10) and the slope (20). The value of 20 can be expressed as 20/1. Now you can see that the change in y in the numerator is 20 and the change in x in the denominator is 1. This means that every time y changes 20 units, x changes 1 unit. I would begin my graph with the y-intercept since this is easy. My first (x,y) point would be (0,-10). By adding 1 to x and then adding 20 to y based on my slope, my next (x,y) point would be (1,+10). I would plot these two points and then connect them. It is that easy.

Practice what you have learned by making up some linear equations and plotting them on graph paper. Instead of generating two points try generating five or six. I will call this Graph #4. Now go backwards, make up a straight line graph and generate an equation. I will call this Graph #5.

You will turn into your instructor:

1. Graph #1 (a plot made from an equation)

2. Graph #2 (a plot made from supplied data and an equation derived from the plot)

3. Graph #3 (a plot made from an equation)

4. Graph #4 (a straight line plot generated from a made-up equation)

5. Graph #5 (an equation generated from a made-up straight line plot) 
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First, Last and Always

1. Pieces of zinc shot should be dried and handed to your instructor for recycling after using.

2. Iodine mixed with water, alcohol, or a solution containing potassium iodide can be collected together in a waste beaker.

3. Iodine mixed with mineral oil should be collected in a waste container.


Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

-Iodine
-Rubbing or isopropyl alcohol
-Different forms of zinc (dust or powder, granular, mossy, shot, rod or cylinder, and sheet). You don’t have to remove any of the powder from the bottle, just look inside. Try not to contaminate these samples by placing them on your bench. Once done observing the different forms of zinc, replace them into their respective containers.

Solubility
2. Without using your fingers, place 2 pieces (LITERALLY 2 very small pieces) of solid iodine into a small test tube containing about 1 mL (20 drops) of water. Mix and crush it a few times with a stirring rod. Comment on its ability to dissolve. Is it very soluble, slightly soluble or insoluble? Determine separately if iodine is soluble in alcohol, in mineral oil and then in a solution of potassium iodide. If a solution of potassium iodide is not available make it by dissolving a pea size of the solid in a few mLs of water.  In order to keep the variables of quantity constant always use 2 pieces of iodine and 1 mL of solution.

3. Now check the solubility of zinc in water. Add a few pieces of granular zinc to 1 mL of water. Is it soluble? Add a few pieces of granular zinc to 1mL of 3 M HCl. What happens? (You don’t have to test zinc’s solubility in alcohol, mineral oil, or a solution of sodium iodide.)

Density of Zinc Shot
4. On a triple beam or top loading balance measure out about 10 grams of zinc shot in a beaker which has been tared (made to read zero). Record the mass in your notebook.

5. Add 15 to 20 mL of tap water to a 50 mL graduated cylinder. Read and record the level of the water to the nearest 0.1 mL.

6. Gently add the zinc shot to the graduated cylinder containing the water by rolling the shot down the side of the cylinder. Gently shake the cylinder to dispel any air bubbles trapped under the pieces of zinc.

7. Record the new volume of the displaced water. Here you are finding the volume of zinc shot. This is based on Archimedes' principle that the volume of water displaced by an object is equal to the volume of that object.

8. Measure out another portion of zinc as before (about 10 grams) and record the exact mass. Add the second portion of zinc to the graduated cylinder containing the water and the first portion of zinc (you are adding zinc cumulatively or summatively). Again record the new volume of water.

9. Repeat the previous procedural step until 4 to 6 measurements are taken.

10. Place a large paper towel on the lab bench top. You will put your wet zinc shot on this paper so that we may reuse this metal for future labs. 

11. Plot the "cumulative mass of zinc in grams" after each trial on the y axis (ordinate scale) versus the "cumulative displaced volume of water by the zinc in mL" after each trial on the x axis (abscissa scale). This can be done on the lab's computers using Microsoft's Excel. So, the first value of the mass of zinc in grams is about 10 grams, then the second would be about 20 grams (10+10 = 20), then the third would be about 30 (10 +10 +10=30), and so on until you sum is for example, 50. Then you should make your axis run from 0 to just beyond 50. Do likewise with the other axis, then make a plot.

12. Determine if the points indicate a straight line, a curve, a curvilinear or a haphazard relationship. Let Excel generate an equation for the line. The equation should look familiar. Locate the slope – this is your density value.

13. Once you have plotted your line, examine Table 1 below. The information in the table refers to the physical constants of zinc and iodine, and was taken from The CRC Handbook of Chemistry and Physics which is a very popular reference book used by chemists. Look at the density of zinc. Does it compare with your slope?

14. Now, after comparing values are you very confident about your data? If you are not confident, what plan can you propose to make your data “good.” 

15. For the physical constants of zinc and iodine to be useful in answering your focus questions, you must be aware of the following abbreviations:

a) the superscript in the solubility columns refers to the temperature at which the test was conducted. For example, 0.02920 means that 0.029 grams of iodine can dissolve in 100 cc or 100 mL of cold water at 20 degrees centigrade. This indicates that iodine is not very soluble in water.

b) Under solubility, the meaning of each abbreviation is as follows:
	"i" stands for insoluble
	“s” stands of soluble
	"a" stands for acid
	“alk” stands for alkaline or base
	“ac a” stands for acetic acid
	"al" stands for alcohol 
	“bz” stands for benzene
	“eth” stands for ether
	“chl” stands for chloroform
	“MeOH” stands for methanol




	“CS2” stands for carbon disulfide
	“CCl4” stands for carbon tetrachloride
	"glyc" stands for glycerin (I have replaced glycerin with mineral oil so comment on this)
	"KI" stands for potassium iodide
	“sl H2O” slightly soluble in water


Table 1: The Physical Constants of Zinc and Iodine

	Name
	Symbol
	Molecular Weight (g/mol)
	Crystalline form, properties, index of refraction
	Density (g/mL)
	Melting Point in oC
	Boiling Point in oC
	Solubility

	Zinc
	Zn
	65.38
	Bluish-white metal, hexagonal
	7.14
	419.58
	907
	Hot H2O: i
Cold H2O: i
Soluble (s) in other solvents: a, alk, ac a

	
	
	
	
	
	
	
	

	Iodine
	I2
	253.809
	Violet, black metallic luster; rhombic; 3.34
	4.93
	113.5
	184.35
	0.029g I2 per 100g cold water
at 20oC

0.078g I2 per 100g hot water at 50oC

Soluble (s) in: al, bz, eth, chl, glyc, KI, MeOH, CS2, CCl4 




Creating Graphs

A graph is a very powerful way to represent data. From the shape of the graph one can often determine the relationship between variables; once the relationship is known predictions can be made. For example, if we plotted outdoor temperature in our city versus the first day of every month, we would find that in the Summer the temperature was very high, the temperature decreased in the Fall, it bottomed out in the Winter and climbed in the Spring. A graph would allow us to predict the temperature on a day that is not the first of the month as well as the temperature for future months. This predictive quality is invaluable since we can plan for the future: we can change the antifreeze in our cars, dress warmly and cover our air conditioners in the winter months because we know that the temperature will be very low at this time of the year. If a plot exhibits a specific shape such as a straight line or exponential curve then we can express this relationship in terms of an equation. An equation is real handy; we do not have to carry a graph around with us in order to make predictions, instead we carry around a simple equation that is more compact than a graph. With an equation, all we do is plug in our x value and out comes our answer as a y value.

Making a Graph
You can make a graph by using graph paper and a pencil or you can do what most scientists do: run a computer graphing program such as Cricket Graph, Delta Graph or Excel. You are not required to use any of these programs, but if you do it will save you a lot of time and aggravation when you make a mistake and need to correct it; also they look great when you do a Poster Session. I recommend and will describe how to use Excel for the PC. But first I would like to show you a graph that I made with a computer program and discuss some of the graph's features.



A few things you should notice about this graph are listed below; keep them in mind when you produce either your hand drawn or computer generated graphs:

1. The x-axis should refer to the independent or controlled variable and the y-axis should be assigned the dependent or measured variable.

2. The values of the x variable increases from left to right.

3. The values of the y variable increase from bottom to top.

4. The increments between numbers on each axis are the same.

5. Increments, if possible, should reflect the precision of the data (If data is read to the tenths, then values on axis should be read to the tenths).

6. The origin (where the two axes intersect) does not have to be 0,0. The numbers that span the x and y-axes are called the range. The ranges for each axis do not have to be the same. While the range has to be great enough to include your data points, they can be altered to help you “see” the shape of the line that you overlay onto your data points. 

7. In most cases, you should use greater than half the length of the paper for each axis.

8. Axes are clearly labeled with units.

9. The data points are clearly visible. Circles or squares should be drawn around data points.

10. If you are making more than one plot on your graph, then you need a key to identify what data points correspond to each plot.

11. If your data suggests a linear relationship draw a line that bisects your points; computer calculated lines are much more accurate than ones we do by eye. (for a bisection to be made the sum of the distance of the points to the line on one side of the bisecting line equals the sum of the distance of the points to the line on the other side of the bisecting line.) 

12. Never plot just two data points; use at least four points.

13. Give your graph a title. 

14. The equation at the top of the graph represents an equation for a straight line, where 1.0571 is the slope and the other number is the y-intercept. 

15. Notice that all the data points do not fall perfectly on the line. This is OK. A line must be drawn that bisects these points and then the slope of this line is found. Never connect the points and find the slope using just data points; this is inaccurate. (remember that a slope is calculated by using the coordinates of two points that rest on the line. Do not use DATA POINTS unless they rest EXACTLY on the line.)

Using Excel on the PC
1. From the computer, access Excel by double clicking on the Excel icon. You should see the application come up with a window that looks like a table. Each rectangle in the window is called a cell and the cells are labeled horizontally and vertically.

2. Begin by labeling the first cell in each column. To do this you must place a single quotation mark ( ‘ ) beside the words you want to enter; this tells Excel that you are entering in text not data. For example, you might type at the top of a column ‘Cum. Zn(g) to stand for cumulative mass of zinc weighed out in grams, and another column ‘Water Displaced (mL) to stand for the volume of displaced water in milliliters. You would then click on one cell at a time below the column and then type in your data.

3. Since you are interested in the relationship between the above two variables you will want to plot the data points. To do this, highlight the data you want to plot by putting and clicking the mouse on the uppermost left cell. Hold down the mouse button and highlight all the data. You should see the cells you want darken. When you have all the data highlighted, go to the tool bar and click the Chart graph button. Now you will perform four steps and a heading will appear to indicate which step you are performing. Sometimes a computer will have different versions of Excel, therefore the first few steps might be a little bit different. Don’t get frustrated, ask a fellow student and instructor. Now, here is what you will have to do:

Step 1 of 4: choose xy scatter, to see graph click on view sample, when done click next.

Step 2 of 4: this is not very important and you can ignore this. 

Step 3 of 4: Put in a title for your graph and titles for the x and y-axes; click on Legend (click the box do not show if only one plot is on graph; click the box none for Data labels).

Step 4 of 4: click finish.

At this point you should only have some data points and an x-y axis. Now you are ready to overlay a line that follows the pattern of your data. To do this you must massage the graph by doing the following steps.

1. Click Chart on top menu.

2. Click Add Trendline. Then choose a line that best approximates the shape of your data points.

3. Click Options in this same menu. Check Display equation on chart (it is very useful to have the equation printed at the top of our graph).

4.   To alter the appearance of your graph, you double click the mouse on whatever it is you want to change. This is a powerful tool. For example, you might want to expand the graph so click on the corner and drag. Or you might want to change the font size of one of the axis so double click on the axis label you want to change and follow the menu that appears. You can change the background of the graph, add borders, and color. One helpful part of the graph that I like to alter is the range of each axis. Just double click on the axis and you can make each increment larger or smaller. This comes in handy when you don’t have a definite idea as to the shape of the line (i.e. straight vs curved). By increasing the range on one of the axis you can move the data points closer together and sometimes a pattern will emerge. 

5. Lastly save your work on a disk by going to the File command menu and click Save As. (Remember to bring a disk with you to class)

An important thing to know about Excel: To plot data with Excel, you must have the values that will go on the x axis in the left hand column. If, however, you want to change things around, you have to cut and paste the columns to get them in the form you want before you construct the chart. 


	
A Post-Lab Checklist

	  Warm-Up

		Make sure you have the following raw data:

		Appearance of zinc and iodine 
		Solubilities of iodine in different solvents 
		Solubilities of zinc 
		Mass of zinc and volume of displaced water data 
		Tabulated mass of zinc and volume of displaced water 
		Tabulated solubilities 

		Transform the data into the following graph:
		Graph of cumulative mass of zinc in grams (y-axis) vs cumulative displaced water in mLs (x-axis). (Computer generated graph only)		 

		Answer the Focus Questions

	   Answer the following Post-lab Questions

1a. Zinc shot was used to determine density instead of granular zinc because the small granules of zinc traps air bubbles while zinc shot does not. Knowing this, will the measured volume of zinc in the form of granules be greater or smaller? 
1b. Will the density of zinc using granules be greater or smaller? 

2a. What does the slope of the line signify in the graph that you plotted? 
2b. Comment on your y-intercept.

3. Here is a multiple choice question. Choose one or more of the following statements that is always true about the meaning of 7.14 g/mL. 
	a.) 1 mL of water contains 7.14 g of zinc
	b.) 7.14 mL of water will hold 7.14 g of zinc
	c.) One mL of water is equal in weight to 7.14 g of zinc
	d.) 7.14 g of zinc occupies 1 mL in volume
	e.) there is a 1 mL rise in water for every 7.14 g of zinc added
	f.) 1 mL of zinc weighs 7.14 g

4. Now think of why objects sink and float. A small round piece of zinc sinks when thrown in a pond and a substance like mineral oil floats on water (remember the test for iodine?). But if that is true then why does a zinc plated ship float on water? 

5. You look up in the CRC and find that the density for lead is 11.3 g/mL. If a similar plot to the one you constructed in class was made using lead instead of zinc what numerical value would the slope of the line be close to? Make a fast linear plot for lead and then superimpose the plot for zinc onto it (I am interested in the slope of the lines relative to each other; numbered axes are not necessary). What does this tell you about their densities? 



Synthesizing a Compound from its Elements:
A Qualitative Experiment

Redox is a compressed way of writing reduction and oxidation. Reduction refers to an atom gaining electrons and oxidation involves an atom losing electrons. Together, this process is very telling, in that it points to a very important aspect of chemical change: the electrons. For a reaction to occur, new bonds must form between atoms. It is the ability of electrons to be shared or transferred between atoms that cause new bonds to form. The electron, more so than the proton or neutron, is the active player in the arena of chemical change. 

FOCUS QUESTIONS: Part 1

1. What happens qualitatively on both the macroscopic and atomic Levels when
zinc, iodine and acidified water are mixed? Does a Reaction occur?
 
2. If a reaction does take place, are the physical and chemical properties 
of the substances, isolated during and after the mixing, the same as 
or different from those of iodine and zinc? Explain using your reaction as an example.

3. What are the identities of the three substances that were Isolated?


First, Last and Always
		
We will be spending a lot of time with zinc and iodine, as well as some common reagents, so I want to let you know how you should handle and dispose of them.

Safe Handling
1. Iodine is a moderately corrosive substance and will stain the hands so do not pick up pieces if spilled. Always use a dust pan. Iodine stains of the skin can be removed with a solution of sodium thiosulfate which will be supplied in the lab. If you notice any stains on your body or clothes outside lab, apply rubbing alcohol to the area and rinse off with water. Clean off any spatulas that have come into contact with iodine. If you ever observe the formation of a purple gas, immediately remove the vessel to the hood.

2. Silver nitrate will stain the skin; the stains are not hazardous.

3. 6 M hydrochloric acid solution can harm the skin if left untreated.
If contact with the skin occurs, wash with running water for at least 5 minutes. 


Disposal                                                                     
 1. All solutions can be diluted with water and disposed of down the drain (run the faucet for a few minutes) with the exception of the orange brown iodine-iodine-triiodide solution. This substance will be collected in a waste beaker.

2. All solids do not go down the drain. They will be collected in waste beakers. 


The Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

boileezers or boiling chips
desiccant
0.17 M acetic acid solution labeled “acidified water” 
Solution of Sodium thiosulfate to clean iodine stains 
“granular zinc”
“iodine crystals”
“zinc ion and iodine-iodide-triiodide ion in water”
“solid zinc iodide”
mineral oil
Silver nitrate (AgNO3)
Magnesium turnings
3M Hydrochloric acid (HCl) solution

Getting the Reactants
1. There are three different sized test tubes that you will be working with in this laboratory: A boiling tube, a large test tube, and a small test tube. It is very important that you use the correct sized test tube when working. Of all the test tubes, a "boiling tube" has the widest diameter (about the size of a quarter). The "large test tube" is the longest test tube and has a diameter about the size of a dime. Lastly, the "small test tube" is the shortest of the three in length and has a diameter that is a bit larger than a pea. With this in mind, your first step will be to acquire a boiling tube and dry it inside as well as outside with a paper towel. Using a grease pencil, label this boiling tube with an “R” for “reactants.”

Since you will be using an electronic balance you should know how to use one and be able to “zero it out” (ask your instructor for help anytime). If electronic balances are not available you will be using a triple beam balance. Your instructor will show you how to zero out a triple beam balance.

In the next few steps you will be working with zinc, iodine, and acidified water. Get all three chemicals together now at your lab bench.

2. Place a piece of weighing paper on the balance and tare it. Using a spatula, add 2 grams of grayish granular zinc (labeled Zn) onto the weighing paper and record this weight (do not waste time trying to weigh out 2.000 grams, instead weigh out between 1.9 and 2.1 grams). Record all decimal places that you read on the balance. Use the same balance for future measurements. Transfer your zinc into a boiling tube and label the boiling tube with an “R” for reactants using a grease pencil.
	(Why is a boiling tube used? A boiling tube is used because it allows for a large area in which zinc and iodine can make contact and react.)
	(Hint: always, always describe your reactants or starting materials in your notebook before they interact with other substances and then immediately after they interact. In this way, you will show in writing if a change really occurred. Changes are important since they can indicate that a reaction occurred, or they will help you make it possible to identify a substance.) 

3. With a different spatula weigh out 2 grams of iodine crystals (between 1.9 and 2.1 grams is OK), record its mass in your book, and add it to the “R” boiling tube that contains the zinc metal. Please note if some of the iodine sticks to the weighing paper you have to re-weigh the paper and subtract any difference to find the actual weight of iodine you used. Wipe off any excess iodine from the spatula with a paper towel and discard.

4. Rest the “R” boiling tube in a large beaker. Next, get one regular large test tube, one more boiling tube, and one long stemmed Pasteur pipet. The test tubes should be dry. Using the grease pencil, label the regular size test tube “C” for "colored solution", and the new boiling tube, “P” for “product”, respectively. Place one boiling chip (Boileezer or Tamer Tabs) into the boiling test tube labeled “P”. You will use these test tubes when you start making products. So this is what you have:

a.) A boiling tube labeled “R” which contains zinc metal and iodine crystals
b.) A boiling tube labeled “P” for product which contains a boiling chip
c.) A large test tube labeled “C” for colored solution

5. (Read steps 5, 6, and 7 before performing any of these steps). Acquire some “acidified water”. If a dropper bottle is found then use a 10 mL graduated cylinder and measure out 5 mL of “acidified water” and add this volume to the “R” boiling tube. (if you can't find "acidified water" it might be labeled as 0.17 M Acetic Acid; this is just water with a small amount of vinegar). If a large container of acidified water is found, then pour some into a small beaker first and then use the graduated cylinder; this will prevent spills. Once done, immediately begin vigorous swirling of the chemicals in a clockwise or counterclockwise motion. Do not shake up and down. 

Making Products
6. This next step should be done carefully; it involves decanting and quickly resuming swirling. After about 1 minute, the solution should turn an orange or red-brown color. With the pipet in one hand, stop swirling and rest the boiling tube in a beaker only for a few seconds. With the pipet quickly remove about 30 drops of this colored solution and transfer it to a test tube labeled "colored solution". Do not throw this away, it will be analyzed later in this activity. Now, continue vigorously swirling the mixture by grasping the top of the boiling tube.

7. Swirl constantly and vigorously until the reaction is complete. 
	(When is the reaction finished? Cessation of the reaction is evident when the solution is close to room temperature and the red-brown color is no longer present.)

8. From the “R” boiling tube, slowly decant all of the solution, leaving the gray solid behind, into the “P” boiling tube. Because of the relative size of the gray granules, they should easily stay behind in the originally used boiling tube. 
	(Why use a boiling chip? A boiling chip promotes a relatively constant rate of boiling by initiating the formation of bubbles of water vapor. This allows for a minimum loss of sample.)

9. Any solution remaining behind with the gray solid can be diluted with acidified water and collected; this is called "washing" a substance. Wash the left over gray solid, by first adding approximately 1 mL or 20 drops (a pipet can be used) of the acidified water to the “R” boiling tube. Swirl and pour the wash solution into the “P” boiling tube containing the decanted solution. This solution contains your product. Once again, leave the gray solid behind in the “R” boiling tube. Repeat this entire step 2 more times.

10. For the meantime, ignore the solution containing your product and focus attention on the gray solid remaining in the “R” boiling tube.

11. With a test tube holder heat the “R” boiling tube containing the gray solid over a Bunsen burner flame in circular motions until all moisture is just driven off (in other words, don’t cook it to death, just remove the water). An indication that drying is complete is when the gray granules will no longer adhere to the walls of the test tube. Do not bang your test tube on the bench, it will break. Flame dry any condensed water vapor adhering to the sides of the test tube.
	(Hint: To prevent your boiling tube from slipping out of your test tube holder and breaking on the lab bench, do not squeeze the metal arms while heating. Vigorous shaking will also make the boiling tube slip.)

12. Now refocus your attention on the solution containing your products (“P” boiling tube). With a test tube holder, heat the solution in the “P” boiling tube over a Bunsen burner flame until all the water has been evaporated off and a white substance remains.  The heating process requires care and will be demonstrated.  Be sure to constantly swirl the solution, move the boiling tube in and out of the flame to maintain controlled simmering, and keep the walls of the boiling tube hot so that evaporating water does not recondense on the sides of the tube and fall back into the solution. Your goal is to evaporate the water while not allowing any of the solution to spurt out of the tube. As more and more water evaporates, the boiling tube can be lowered into the flame to speed evaporation. Eventually the entire length of the test tube should be heated to evaporate any recondensed water.  This step takes approximately 10 minutes and must be done patiently.

13. When all of the water has been evaporated off and only a white solid remains, continue heating the solid while moving the boiling tube in and out of the flame for about a minute. If the solid turns yellow in any spot, discontinue heating in that area of the tube. The yellow color indicates that decomposition is taking place and is undesirable. If any condensed water is present on the inside of the boiling tube, evaporate it. And, if a purple gas is visible, you should immediately remove the boiling tube to a ventilating hood.
	(When is the solid dry?  Dryness is apparent when the solid stops emitting crackling sounds.)

14. Cool the “P” boiling tube to room temperature by placing it on the bench (if you place it in a cold beaker, the beaker can crack). Because the white solid absorbs water from the air, the “P” boiling tube containing the white solid should be cooled slightly, corked and then placed in a Ziploc® plastic bag containing desiccant (the commercial name of a desiccant we use in lab is called Drierite; a soup spoon quantity is enough). Make sure the boiling tube is cool enough so that the plastic does not melt. The boiling chip does not have to be removed.
	(Why is desiccant used? If it is very humid in the lab, the white solid will absorb moisture from the air and could dissolve back into solution. The desiccant will absorb this water instead of the white solid.)

Examining Your Isolated Substances
15. The first step towards identifying your isolated substances is to compare your substances with the following four standards available in the laboratory.

	1. “Iodine crystals”
	2. “Granular Zinc” 
	3. “Zinc ion and Iodine-iodide-triiodide ion in Water”
	4. “Solid Zinc Iodide” 

Look at the name, physical state and color of the standards (substances you observed when you first began the lab). Through visual comparison, tentatively identify your three substances.

16. To collect further evidence that correct identifications were made, the gray solid, the colored solution, and the white solid will be identified via five chemical tests. Perform tests for 1) zinc metal, 2) zinc ion, 3) iodide ion, 4) iodine, and 5) triiodide ion on the three substances you isolated; you should therefore perform a total of 15 tests.

Chemical Tests
17. Work in groups and share the work involved in conducting the chemical tests. The tests will help you identify your isolated substances as either zinc metal, iodine, zinc ion, iodide ion, or triiodide ion. When performing a respective test on one of your isolated substances (your unknown or test sample), ALWAYS perform the same test side by side on a standard found in lab: “Iodine crystals”, “Granular Zinc”, “Zinc ion and Iodine-iodide-triiodide ion in Water”, and “Solid Zinc Iodide” (the knowns). Record observations for both your sample and your standards. The identification process is complete when an observation from a test involving your isolated substance matches the observation from the same test on one of your standards. Tests that give results as described are labeled as being “positive.” Any tests which give other results than that described (i.e. a green instead of a purple color change occurs), indicate a negative test, meaning that the substance you are looking for is not present or that there is substantial contamination from other substances. So the total number of tests is: 15 for YOUR three substances (5 tests x 3 substances = 15) + 20 for standards (5 tests x 4 standards listed in step fifteen = 20) = 35.  These many tests are needed if you want to be certain of your data. It might be beneficial to organize your data by Tests into a table.
	Please note that you will need your white solid in the next activity, so do not use the entire sample on these tests.
	






	Name of Test
	Test Procedure 
	Perform this Test on the following samples:

	Test for Iodine (I2)
	Add 20 drops of mineral oil to a test tube containing your sample and mix. If your sample is a solid use a few small pieces; if it is a liquid use about 5 drops. (Please note the following: Mixing is necessary and can be accomplished by flicking the test tube with your finger or using a stirring rod). Keep mixing for a few minutes until no change is noticed.) Observe the test tube by holding it eye-level against a lighted background such as a window. Mineral oil is immiscible and less dense than water, therefore, it will form a top layer in the test tube above the water. A few mL of water can be added to enhance visibility.

Positive test: the mineral oil layer will form a purple to pink color. 

Negative test: no purple to pink color


	Your 3 products:
1. gray solid
2. colored solution
3. white solid

The 4 Prepared Standards
4. iodine crystals
5. granular zinc metal
6. zinc ion and iodine-iodide-triiodide ion in water
7. solid zinc iodide




	Test for Iodide ion
 (I-)
	Add 5 drops of 0.1 M AgNO3 solution to your sample. 

Positive test: a fine pale yellow precipitate of silver iodide is formed. 

Negative test: No yellow precipitate is formed.
	Your 3 products:
8. gray solid
9. colored solution
10. white solid

The 4 Prepared Standards
11. iodine crystals
12. granular zinc metal
13. zinc ion and iodine-iodide-triiodide ion in water
14. solid zinc iodide


	Test for Triiodide Ion (I3-)
	Visually inspect your sample. 

Positive test: If it is either an orange, yellow or red brown color, it can be concluded that triiodide ion is present. Your standard might be darker in color than your sample. This is ok; you can add a small amount of water to try to match shades.

Negative test: If your sample is not in this color range, it does not contain triiodide. 
	Your 3 products:
15. gray solid
16. colored solution
17. white solid

The 4 Prepared Standards
18. iodine crystals
19. granular zinc metal
20. zinc ion and iodine-iodide-triiodide ion in water
21. solid zinc iodide







	Test for Zinc Ion (Zn2+)
	If the substance you are testing is a solid, dissolve it in 2-3 mL of de-ionized water prior to testing. If a white fluffy precipitate forms when de-ionized water is added during the test for zinc ion, add dropwise 0.17 M acetic acid. When the precipitate is dissolved or if you have a liquid continue with the test below.

Add 1 magnesium turning to a test tube containing your sample. 

Positive test: A fine black solid is deposited on the surface of the magnesium. The black solid is zinc (zinc metal is black instead of gray because of how the irregular surface area reflects light. If necessary, a few mL of de-ionized water can be added to enhance visibility of the black metal)

Negative test: No black solid is deposited on the surface of the magnesium.

	Your 3 products:
22. gray solid
23. colored solution
24. white solid

The 4 Prepared Standards
25. iodine crystals
26. granular zinc metal
27. zinc ion and iodine-iodide-triiodide ion in water
28. solid zinc iodide


	Test for Zinc Metal (Zn)
	Add 3 drops of 3 M HCl solution to a test tube containing your sample. 

Positive test: Hydrogen gas is produced as indicated by strong fizzing (evidence of a gas).

Negative test: No significant fizzing observed.


	Your 3 products:
29. gray solid
30. colored solution
31. white solid

The 4 Prepared Standards
32. iodine crystals
33. granular zinc metal
34. zinc ion and iodine-iodide-triiodide ion in water
35. solid zinc iodide




21. Move on to Part 2, of this activity on the following page.

Recycling Zinc

The left over zinc metal has been saved from our previous work. Since it would be a waste to throw it away, we will recycle it. Your instructor or the stockroom personnel will tell you what to do.

Recycling can be done by rinsing the metal with water a few times and decanting the rinses down the drain. Doing this should remove any zinc and iodide ions adhering to the zinc metal. Next, add a dilute solution of HCl (6 M) to the metal and stop adding until the metal is just covered by the acid. The acid will react with the metal to produce hydrogen gas. Let gas production (observed by fizzing) occur for about 10 minutes so that the acid can strip away the surface of the metal taking with it any impurities. Decant the acid into another beaker to be reused and then wash the metal about five times with water. Pat the zinc metal dry with a paper towel and dry the metal in a drying oven. You have now purified your excess zinc metal; now you and future students can use this metal in the lab.


A Post-Lab Checklist – Part 1

		Observations of all Standards

		Mass Table

		Observation of Reaction

		Identification Tests of Isolated Substances in Table Form

		Answer Focus Questions

		Answer the following Post-Lab Question. (20 pts.)
				
   1. You know that the physical property (i.e. color) of your white product is different than the reactants, zinc and iodine. Now mention specific tests that you conducted that indicate that your white product has different chemical properties than zinc 
		metal and solid iodine.

	2. Do equal masses of zinc and iodine react such that none of the initial substances remain?	

	3. Write out chemical equations for the 1) zinc metal test, 2) the zinc ion test, and 3) the iodide ion test


FOCUS QUESTIONS Part 2:

	1. Is there a Way to put energy into zinc iodide in order to regain the elements, 
zinc and iodine? If there is a way, how does it happen?

2. What are the identities of the substances found after electrolysis and heating?


First, Last and Always

Safe Handling:
1. Iodine vapor can be used safely if the following precautions are observed. Heat zinc iodide under the hood.     
   
Disposal                                                                      
1. Any orange brown solutions can be diluted with water down the drain and any solids of iodine can be wiped off carefully with a paper towel and thrown out

The Details:

The Decomposition of the White Product by Electricity
1. Team up with a partner and combine your white solid product. This is done so that you will have enough when you perform this part of the lab activity. If you don’t use enough of the white solid you won’t get very dramatic results in step 2. Place a spatula full of your white product on a watch glass and add about 3-5 mL of deionized water (NOT ACIDIFIED WATER). Use a stirring rod to dissolve your sample; it is not crucial that all of the sample dissolves. Place a piece of white paper under the watch glass to enhance visibility. If you see a small white solid that is not dissolving that is your boiling chip. It will not dissolve so you should remove it from your watch glass.

2. Make an electrolysis apparatus by attaching the 9-volt battery to the clips with newly exposed wire tips (use a wire stripper; see Fig. 2 in this activity). The wires should be about 3 inches long so that they can be manipulated easily, and the exposed tips should be clean. Not letting the tips touch each other, place them in the zinc iodide solution for 2-3 minutes and record your observations. (You might want to take a photo of the tips before and after using your cell phone). In order not to drain the battery, remove the clip from the battery when finished.
	(Why shouldn’t the two wires touch each other? Touching of the two wires will short-out the battery causing it to lose its charge.)

3. Observe the substances forming at each of the wire tips. Tentatively identify each substance produced at the wire tips by comparing them visually with the four standards. Perform chemical tests to see if your identification is correct. If you don’t have enough product, use some from another group or make more zinc iodide.
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		Figure 2: Electrolysis Apparatus





















Decomposition of the White Product by Heat

4.     A method to decompose the white product is described below. HEATING MUST BE DONE UNDER A HOOD.

5. First, transfer about a half of a spatula of your white product made in part 1 to a large test tube (not a boiling tube).  
6. Using a scissors, cut a square piece of Parafilm and seal the top of the test tube by wrapping the Parafilm around the mouth of the test tube. 
7. Make two small holes at the covered mouth of the test tube with one end of a paperclip. 
8. Cut a piece of paper towel into a one inch strip. Wet this strip with water and wrap it around the top of the test tube. It should be wrapped just below the lip of the test tube (the mouth of the test tube with the two holes should not be obscured). Use a rubber band to secure the paper towel to the test tube. 
9. This next step should be performed under a ventilating hood. Strongly heat the bottom of the test tube containing the white solid by placing the test tube directly on the tip of the flame’s blue cone. A colored gas should be produced and should start moving up the test tube. Because the top of the test tube is colder than the bottom, this gas will start to condense into a solid. To help the gas rise up the test tube you can position the flame about one inch or so from the bottom. You should only need about 1-2 mins. of heating to produce a condensed solid. 
10. Let the test tube cool. Once cool, remove the parafilm and paper towel. Using a cotton swab, collect your solid by moving the swab around the inside mouth of the test tube. Observe the tip of the swab and make a tentative identification of the substance you just collected. You might want to take a picture of this with the camera on your cell phone. 
11. Over a regular sized test tube, wash the solid off the swab with a few mLs of distilled water from a squirt bottle. Next, think of a chemical reagent that you might add to this test tube in order to identify the solid? Once you have an idea of what to do, get approval from your instructor and identify this substance.

A Post-Lab Checklist – Part 2		

		Observations during Electrolysis (decomposition by electricity)
		
		Observations with the heated test tube and parafilm

		Chemical Tests and Conclusions drawn from Observations. 
	
	Answer Focus Questions

	Answer the following Post-Lab Questions:

1. What did this experiment convincingly show about the composition of the white solid? 

2. During the electrolysis, a gray solid formed on the negative wire of the battery and the dark red solution formed at the positive wire of the battery. Account for this in terms of the positive and negative ions. 

3. In the first part of the lab you found out that the products were different from the reactants. Now how are the products of the electrolysis similar to the reactants, zinc and iodine?  

Synthesizing a Compound from its Elements:
A Quantitative Experiment

A major development in the discovery of Nature’s Chemical Laws was the use of the balance during experiments. By quantifying the mass of reactants and products, chemists uncovered regularities and created new generalizations about the physical world. These generalizations are important to us today. For instance, in industry the optimization of product is often extremely important economically. By knowing the relationship between reactants and products, chemists can predict how much product will be made from the amount of reactants they started out with; this minimizes the quantity of wasted reactants and thereby increases efficiency of the manufacturing process. Your job is to find this relationship.


FOCUS QUESTION:

Is mass conserved in the chemical reaction between zinc and iodine?


First, Last and Always

Safe Handling:
1. Iodine is a moderately corrosive substance and will stain the hands so do not pick up pieces if spilled; always use a dust pan. Iodine stains of the skin can be removed with a solution of sodium thiosulfate which will be supplied in the lab. If you notice any stains on your body or clothes outside lab, apply rubbing alcohol to the area and rinse off with water. Clean off any spatulas which have come into contact with iodine. If you ever observe the formation of a purple gas, immediately remove the vessel to the hood.

Disposal

1. Solid zinc does not go down the drain nor does any extra iodine. They will be collected in waste beakers. 


The Details:

1. The procedure of this activity is very similar to activity 1 except that you are not conducting chemical tests to identify your products. Instead you are using the balance to quantify your reactants as well as your products.

2. Acquire a boiling tube and dry it inside as well as outside with a paper towel. Use a grease pencil to label it “R” for reactants. Do not use a paper label; if the labels are burned off during the heating process then your mass values will not be consistent. Tare (zero-out) an electronic balance (use a triple beam balance if there are no electronic ones available). Weigh the “R” tube on the balance and record its mass in your notebook. (you should be able to read to two decimal places with the balances we have in the lab). Place the boiling tube into a beaker to secure it since it won’t fit into a regular test tube rack.

3. Each group should complete the following seven different experiments. Divide the labor as your group sees fit.

	EXPERIMENT
	ZINC    
	IODINE
	ACIDIFIED WATER

	
	
	
	

	1
	2.0 g
	3.0 g
	10 mL

	2
	1.0 g
	2.0 g
	5 mL

	3
	2.0 g
	1.0 g
	5 mL

	4
	3.0 g
	2.0 g
	5 mL

	5
	2.0 g
	2.0 g
	5 mL

	6
	2.0 g
	2.5 g
	8 mL

	7
	1.0 g
	1.5 g
	5 mL




Procedure if using a Triple Beam Balance

4. Increase the weight on the scale that corresponds to the appropriate amount of zinc by sliding the weight to the right. With a spatula, carefully transfer some 10-50 mesh blue-gray, granular zinc to the “R” boiling tube until the scale is again balanced. The value on the balance which represents the mass of the zinc and boiling tube together should be recorded to as many decimal places as possible.

5. With a different spatula add iodine crystals to the same boiling tube until two grams have been added. The value on the balance which represents the mass of the zinc, iodine and “R” boiling tube together should be recorded to as many decimal places as possible. 

6. Wipe off any excess iodine from the spatula with a paper towel and discard.

7. Rest the “R” boiling tube containing the reactants in a large beaker and continue with step #10.


Procedure if using an Electronic balance

8. Place a piece of weighing paper on the balance and tare it. Using a spatula, add X grams of grayish granular zinc specified in the previous table (labeled Zn) onto the weighing paper and record this weight. Transfer your zinc into the “R” boiling tube. Record all decimal places that you read on the balance. Use the same balance for future measurements.	 

9. With a different spatula weigh out X grams of iodine crystals specified in the previous table, record its mass in your book, and add it to the “R” boiling tube that contains the zinc metal. Please note if some of the iodine sticks to the weighing paper you have to re-weigh the paper and subtract any difference to find the actual weight of iodine you used. Wipe off any excess iodine from the spatula with a paper towel and discard. 

10. Read this step in its entirety before doing: Acquire some “acidified water”. If a dropper bottle is found then use a 10 mL graduated cylinder and measure out the appropriate amount of “acidified water” listed in the table and add this volume to the boiling tube. (If a large container of acidified water is found, then pour some into a small beaker first and then use the graduated cylinder; this will prevent spills). Once done, immediately begin vigorous swirling of the chemicals in a clockwise or counterclockwise motion. Do not shake up and down. Do not stop mixing until the solution is close to room temperature.

11. Weigh together another dry boiling tube and boiling chip or Boileezer and record the mass. Use a grease pencil to label this as the “P” boiling tube. Use a piece of twisted paper towel to dry the test tube if wet.

12. Leaving the gray zinc metal behind, slowly decant all of the solution in the “R” boiling tube into the “P” boiling tube. This solution is aqueous zinc iodide.

13. Any drops of aqueous zinc iodide remaining behind with the zinc can be diluted with water and collected; this is called "washing" a substance. Wash the left over zinc metal, by first adding approximately 1 mL or 20 drops (a pipet can be used) of the acidified water to the “R” boiling tube. Swirl and pour the wash solution into the “P” boiling tube containing the decanted aqueous zinc iodide. Once again, leave the zinc behind. Repeat this step 2 more times.

14. For the meantime, ignore the solution of zinc iodide and focus attention on the zinc metal remaining in the “R” boiling tube.

15. Rinse the remaining granular zinc 3 more times with about 5 mL portions of regular tap water. After rinsing for a few seconds, carefully discard the liquid down the drain without losing any zinc.

16. With a test tube holder heat the “R” boiling tube containing the gray zinc metal over a Bunsen burner flame in circular motions until all moisture is just driven off (in other words, don’t cook it to death, just remove the water). An indication that drying is complete is when the zinc granules will no longer adhere to the walls of the test tube. Do not bang the test tube on the bench. Flame dry any condensed water vapor adhering to the sides of the tube.

17. Let the boiling tube containing the zinc metal reach room temperature by placing it on the bench top (placing it in a cold beaker can crack the beaker). Once at room temperature, record its mass.

18. To make sure your evaporated all the water from the zinc metal, repeat the drying procedures (step #16) until the masses you recorded for each trial are very close to each other (hopefully they should be exactly the same, but if not, stop the drying procedures when the difference between trials is less than +0.05 grams.) Your final weight represents the mass of your unreacted zinc. As your zinc is cooling, you can move to step #20.

19. Dispose of your zinc metal in a container labeled "Excess Zinc."

20. Now focus attention on the zinc iodide solution which was separated from the excess zinc metal. With a test tube holder, carefully heat the zinc iodide solution contained in the “P” boiling tube with a boiling chip over a Bunsen burner flame until all the water has been evaporated off and the white solid zinc iodide remains. Be sure to constantly swirl the solution, move the test tube in and out of the flame to maintain controlled simmering, and keep the walls of the tube hot so that evaporating water does not recondense on the sides of the test tube and fall back into the solution. Your goal is to evaporate the water while not allowing any of the solution to spurt out of the boiling tube. As more and more water evaporates, the tube can be lowered into the flame to speed evaporation. Eventually the entire length of the boiling tube should be heated to evaporate any recondensed water.  This step takes approximately 10 minutes and must be done patiently.

21. When all of the water has been evaporated off and only the white solid remains, continue heating the solid while moving the boiling tube in and out of the flame for about a minute. If the solid turns yellow in any spot, discontinue heating in that area of the tube. The yellow color indicates that decomposition is taking place. If any condensed water is present on the inside of the boiling tube, evaporate it.
	(When is the solid zinc iodide dry?  Dryness is apparent when the solid stops emitting crackling sounds.)

22. Cool the “P” boiling tube to room temperature on the bench top. Because the solid zinc iodide absorbs water from the air, the boiling tube containing the solid should be cooled slightly, corked and then placed in a Ziploc® plastic bag containing desiccant (make sure the test tube is cool enough so that the plastic does not melt). The boiling chip does not have to be removed.

23. Once zinc iodide has reached room temperature, determine the mass of the “P” boiling tube and zinc iodide.

24. Now, reheat the “P” boiling tube containing the zinc iodide, cool it in a desiccator, weigh again, and record its mass. You do this to make sure the zinc iodide does not contain any water. Hopefully the two masses should be exactly the same but if not stop the drying procedures when the difference between trials is less than +0.05 grams.

25. To succeed in this part of the activity as well as the next one, you have to work as a team and pool your results. You must decide if the mass of excess zinc and the mass of zinc iodide that you produced is reasonable; does your data make sense theoretically, and does it conflict or support other members’ findings? Document any data that you have rejected. If you believe that your experiment was flawed or that you lack confidence in your data, all is not lost. Since this often happens in research labs, you will be given time to work out any problems you think you have.

26. Once you “like” your data, plot the graph in the first post-lab question set. You have to plot the mass of reacting iodine (y) vs the mass of reacting zinc (x) from your group's data (label as Graph #1). Think about how this graph can help you gather “good” data. Make adjustments as you deem necessary.
 
27. Continue with the first post-lab question set. If you have any questions, this is a great opportunity to ask your instructor.


Percent Yield

One way to determine how effective your reaction is in producing products is to calculate a percent yield. This calls for comparing the mass of your product to the theoretical mass of the product. The theoretical mass is how much you should get if you could completely eliminate error (which you can’t in the lab) and is based on the assumption that this type of reaction will go to 100% completion. The theoretical mass can be found by using stoichiometry (convert to moles and use molar mass to get grams of product). The formula is: 

Percent Yield =  Mass of Product Determined Experimentally  x  100
			Theoretical  Mass of Product


A Post-Lab Checklist
	
	Make sure you have the following raw data before you leave lab
	
If a Triple Beam Balance was Used:
		Mass of “R” boiling tube
		Mass of zinc and “R” boiling tube 
		Mass of zinc, iodine and “R” boiling tube
		Mass of zinc and “R” boiling tube after rinsing, heating and 
		cooling a first time.
		Mass of zinc and “R” boiling tube after rinsing, heating and 
		cooling a second time if necessary
		Mass of “P” boiling tube and boiling chip before reaction
		Mass of “P” boiling tube, boiling chip and zinc iodide after 
		heating and cooling
			Mass of “P” boiling tube, boiling chip and zinc iodide after 
			reheating and cooling a second time

If an Electronic Balance was Used:
		Mass of “R” boiling tube
		Mass of zinc used 
		Mass of iodine used
		Mass of excess zinc and “R” boiling tube after rinsing, heating and cooling
		Mass of excess zinc and “R” boiling tube after rinsing, heating and cooling a second time
		Mass of “P” boiling tube and boiling chip
		Mass of “P” boiling tube, boiling chip, and zinc iodide after heating and cooling.
		Mass of “P” boiling tube, boiling chip, and zinc iodide after heating and cooling a second time. 

Additional Important Data:
			Atomic mass of zinc
			Molecular mass of iodine (I2)
			Description of reaction between zinc and iodine

		Tabulate your raw numerical data and then transform it into a Results Table showing
           all calculations. You will need to find the following:

			Mass of zinc before reaction
			Mass of iodine before reaction
			Mass of excess zinc
			Mass of zinc reacted
			Mass of iodine reacted
			Mass of zinc and iodine reacted
			Mass of zinc iodide produced

		Answer Focus Question

	Answer the following Post-Lab Question Sets:

	To answer the following question sets you will need to transform your data with calculations into specific results. You will then use these results expressed in a table to answer the questions. What results should you calculate? To help you we have devised a step by step check list of results that you will need to answer the question (the check list precedes the questions.) Many of these sets involve computer graphing. Make your graphs using Excel by Microsoft. 
Post-Lab Question Set 1

		Tabulate mass of iodine and zinc that reacted
			Make a graph of mass of reacting iodine (y) vs mass of reacting zinc (x) from your group's data (label as Graph #1)
			Get slope of line from graph 
			Find the average of the ratio of the reacting mass of iodine to the reacting mass of zinc from your group's data

1. Is there a graphical relationship between the reacting mass of zinc and the mass of iodine? Write down the corresponding mathematical equation 

2. Comment on this relationship. What is the name of this chemical law (look in your textbook if necessary)? 

3. Why does the relationship occur (use atoms to explain)? 

4. Using the graph you have made, predict how much zinc would react with 2.75 grams of iodine. After doing this, can you comment on the utility of making a graph? 

5. How does the slope of the line in the graph compare to the molar mass ratio of iodine (I2) to zinc (Zn) found from the periodic table? Comment on the relationship between the slope and this ratio. 

6. Why is iodine the limiting reactant in all of the experiments? Explain using the molar mass ratio (do not say because zinc is the excess reactant). 

7. When will iodine be the excess reactant instead of the limiting? Give a numerical example. 

8. Why is zinc the excess reactant in all these experiments? Explain using the molar mass ratio. 

9. When will zinc be the limiting reactant instead of the excess? Give a numerical
example. 


Post-Lab Question Set 2

			Make graph of mass ratio of reacting iodine to reacting zinc (y) vs mass of zinc weighed out (x) from your group's data (label as Graph #2). Use a range of 0 to 6 on the y axis.

		Make graph of mass ratio of reacting iodine to reacting zinc (y) vs mass of iodine weighed out (x) from your group’s data (label as Graph #3). Use a range of 0 to 6 on the y axis.

10. Comment on the shape of the second graph you plotted. What is the relationship between the variables that you plotted? (Hint: look at y-intercept.)


11. Comment on the shape of the third graph. What is similar and different about these two graphs? 

Post-Lab Question Set 3

	From one “good” trial do the following:

			Moles of zinc reacted
			Moles of iodine reacted
			Separately divide moles of zinc and moles of iodine by smallest mole value
			Convert these two values to integers
			Write simplest chemical formula of zinc iodide

12. From one "good" trial, determine the empirical (simplest) formula of solid zinc iodide? Must show calculations to get any credit 

13. What picture (a to e) on the following page best represents the composition of zinc iodide? 
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				a	b		c		d		e



14. Why do you convert from fractions to simplest integers the atom ratio of Zn to I? In other words, what assumptions are you making? 

15. Does varying the masses of the reactants affect the empirical formula of zinc iodide? 

16. What is the balanced equation for the synthesis of solid zinc iodide? 

17. What is the balanced equation for the dissociation of zinc iodide in an aqueous solvent? 

Post-Lab Question Set 4

			Theoretical mass of zinc iodide calculated from the iodine that reacted for one sample
			Theoretical mass of zinc iodide calculated from the zinc that reacted for one sample
			Mass of zinc iodide actually synthesized

18. The percent yield is 100 times the actual yield of a substance divided by the theoretical yield of a substance as predicted by calculations (stoichiometry). What is the percent yield of zinc iodide, when you use the mass of reacting iodine in your calculations? Must show calculations to get any credit. 

19. What is the percent yield of zinc iodide, when you use the mass of reacting zinc in your calculations? Must show calculations to get any credit. 

20. Why are these two percent yields different? Why wasn't a 100% yield found? What does a percent yield very close to 100% tell us about the reaction? 

Post-Lab Question Set 5

		Make a graph of mass of iodine reacted (y)
		vs mass of zinc iodide produced (x) (label as Graph #4) 
		Make a graph of mass of zinc reacted (y)
		vs mass of zinc iodide produced (x) (label as Graph #5)
			Make a graph of mass of zinc and iodine reacted (y) 
			vs mass of zinc iodide produced (x) (label as Graph #6) 

21. Comment on graphs #4 and #5 in terms of percent (convert the slopes to a percent). What do they tell you? Why are the slopes different? 

22. What does graph #6 tell you in terms of the focus question? 



Investigating a Side Reaction

In this short laboratory activity we are examining the reason why acidified water was used in the synthesis of zinc iodide. The acid in the acidified water is acetic acid, which is a weak acid and consequently will only lower the pH of a solution by a small amount. Acetic acid is also commonly referred to as vinegar, which is used regularly in salad dressings and as a non-caustic cleaning agent. In today’s investigation, we want to find out what would happen if we did not use acidified water when we reacted zinc with iodine. As you are conducting this experiment think about the benefits and consequences of using acetic acid in the synthesis


FOCUS QUESTION:

When acidified water is not used in the zinc and iodine synthesis, zinc hydroxide is formed. How can it be identified based on its amphoteric nature?


First, Last and Always

Safe Handling:
1. Iodine is a moderately corrosive substance and will stain the hands so do not pick up pieces if spilled; always use a dust pan. Iodine stains of the skin can be removed with a solution of sodium thiosulfate which will be supplied in the lab. If you notice any stains on your body or clothes outside lab, apply rubbing alcohol to the area and rinse off with water. Clean off any spatulas that have come into contact with iodine. If you ever observe the formation of a purple gas, immediately remove the vessel to the hood.

Disposal

1. Solid zinc does not go down the drain nor does any extra iodine. They will be collected in waste beakers. 

The Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment

1. Weigh an empty boiling tube and record its mass. Add 2 grams of granular zinc to the boiling tube.

2. Add 2 grams of iodine to the boiling tube containing the zinc metal. 

3. Using a graduated cylinder, add 5mL of deionized water (no acetic acid is added). Once the de-ionized water is added, immediately swirl until the reaction is completed (i.e. it is colorless). Let sit and record your observations. Add 2-3 mL of water and mix well by swirling. Record your observations. Did any precipitate form? If not, add 5 mL of water and swirl. Try letting the test tube sit for awhile to see if precipitation improves. If that does not work, keep adding 5 mL portions and swirl until a precipitate forms. 

4. Leaving the zinc behind, pour one half of the contents (solution and precipitate) of the boiling tube into each of two small test tubes. You are now ready for centrifuging. Place these tubes in opposite positions in the centrifuge. Your instructor will show you how to operate the centrifuge safely. Centrifuge the contents of the test tube for 1 minute on the second to highest setting. This will separate the precipitate (solid) from the supernatant (solution). Do not place test tubes with corks into the centrifuge, also, don’t slow down the centrifuge with your hands since this will disturb the separation process. Once finished, pour the supernatant (liquid part) into a waste beaker, leaving the precipitate in the test tube.

5. To wash the precipitate (to clean it of unwanted ions that might remain from the supernatant), fill each test tube containing the precipitate with 5-6 mL of deionized water. Mix well with a stirring rod for about 30 seconds (you might have to break up the precipitate). Centrifuge for 1 minute on the second to highest setting, then decant the supernatant into a waste beaker. Repeat this washing step one more time.

6. The precipitate you have made is called zinc hydroxide, Zn(OH)2. In previous activities you have been given qualitative tests and asked to find the identity of a chemical species. Here, we will do the opposite. I would like you to think of the kind of chemical tests that could be used to identify zinc hydroxide. You might have to read up on this compound in your textbook or online, especially the word “amphoteric.” A commercial standard of zinc hydroxide will not be available. 

A Post-Lab Checklist


		Answer the Post-Lab Questions

1. Write the chemical equation that represents the formation of the precipitate zinc hydroxide after zinc and iodine react. 

2. Write the equation that represents the addition of acetic acid to the white zinc hydroxide ppt. 

3. What is a side reaction?

4. From a teacher’s perspective, speculate as to why acetic acid was used in the synthesis of zinc iodide. List at least one positive reason for not allowing the precipitate to form. Then list at least one drawback of not allowing the precipitate to form.


 


An Alternative Synthesis

Many people converge at Grand Central Station in New York City on their way to their destinations. It is a place that represents a myriad of travel possibilities. Reactions travel not by train, but by specific pathways called mechanisms. In this activity, you will see how different reactants, taking different routes, can undergo transformation into the same product. You will evaluate these different routes in terms of the amount of product that can be made, the ease of isolating the product, product purity, safety issues, reaction time, waste production, and economics. 


FOCUS QUESTION:

Should chemists prepare zinc iodide, from its elements or from a 
double replacement reaction between barium iodide and zinc sulfate? 
(Compare the two reactions in terms of yield, ease, purity, safety, 
reaction time, waste production, and cost.)
 


First, Last and Always

Safe Handling

1. Barium iodide is toxic if ingested, so make sure to wash your hands after lab. 

2. The centrifuge spins at a very high speed. Do not open or touch it while it is moving.

Disposal                                                                     
 1. The unwanted product, barium sulfate should not be disposed of down the sink. It should 
be collected in a beaker located under the hood.


Details:

Before Everything else: Observe and record the physical appearance of all chemicals used in this experiment:

zinc sulfate (heptahydrate)
barium iodide dihydrate

1. Earlier in the course, you conducted a synthesis of zinc iodide from its elements, zinc and iodine. Now you are focusing on how to make zinc iodide in a different way using compounds instead of elements. These compounds are barium iodide and zinc sulfate. We are now going to see if the reaction between these two compounds will occur. Make a prediction by writing a balanced chemical equation involving these two reactants. Some time during the lab have your instructor check your equation.

2. Find a balance that can read to the hundredths place. Place a dry small test tube inside a 50-mL beaker and weigh (tare) them on an analytical balance. It is important to use the same balance when doing all your weighings.	
	(Usually weighing paper is used, but since the beaker and test tube is light enough to be tared by the balance, we can weigh out the solid directly into our vessel. If say a fairly heavy volumetric flask was used, then we would use weighing paper and perform an additional transfer. The fewer transfers the less likely you will lose some of your substance.)

3. Using a clean spatula, add 0.45 + 0.03 g of zinc sulfate heptahydrate, ZnSO47H2O with molar mass of 287.34 g/mol into the small test tube (add 0.25 g + 0.03 g if zinc sulfate anhydrous is used with molar mass of 161.47 g/mol). Record the mass in your notebook. Dissolve the sample in 2 mL of deionized water measured from a 10 mL graduated cylinder. If any of the powder adheres to the walls, try to wash it down when adding the water. Stopper and shake the test tube for 1 to 1 1/2 minutes to dissolve the solid. Then let the tube stand. 

4. Place another dry small test tube in a 50-mL beaker and weigh (tare) them on the balance. Find a bottle of barium iodide and record the name and molar mass.

If you are using anhydrous barium iodide (BaI2) it should have a molar mass of 391.14 g/mol. Weigh out 0.61 g + 0.03 g into this second test tube and dissolve the sample in 2 mL of deionized water

If you are using barium iodide dehydrate (BaI2•2H2O) it should have a molar mass of 427.14 g/mol. Weigh out 0.67 g + 0.03 g into this second test tube and dissolve the sample in 2 mL of deionized water.

5. Make sure both reagents are dissolved. Zinc sulfate is not readily soluble in water, therefore, you might have to warm the test tube by waving it over a flame.

6. Pour the contents of one of the test tubes into the other. A reaction should occur and you should see a white ppt. of barium sulfate form. This is not zinc iodide since zinc iodide is soluble in water. Rinse the empty test tube with 1 mL of deionized water (1 mL is about 20 drops). Add this rinse to the test tube containing the reagents. Repeat with another 1 mL of de-ionized water.

7. You are now ready for centrifuging. Your instructor will show you how to operate the centrifuge safely. Centrifuge the contents of the test tube for at least 1 minute on the second to highest setting. This will separate the precipitate (solid) from the supernatant (solution); the supernatant contains our zinc iodide. Do not place test tubes with corks into the centrifuge and do not slow down the centrifuge with your hands since this will disturb the separation process.

8. As you are waiting, weigh a boiling test tube containing 2 boiling chips on the analytical balance (you can use either Boileezers, Tamer Tabs, or black chips). 

9. Once separation is complete, remove the small test tube containing the reaction mixture from the centrifuge. Decant the supernatant into the boiling test tube containing the boiling chips. 

10. Add 1 mL deionized water to the small test tube containing the precipitate. Mix with a stirring rod. At the second to the maximum speed, centrifuge the solution for about 60 seconds. Then add the supernatant into the boiling test tube containing the boiling chips. Repeat this step once more with another 1mL of de-ionized water. You have just isolated and washed "the precipitate, barium sulfate". If for some reason you have a suspended precipitate it is probably zinc hydroxide; this will dissociate during the next step when heat is applied.

11. Acquire a pair of metal test tube holders. With the holders, carefully heat the boiling test tube containing the boiling chips over a Bunsen burner flame to evaporate the water. The evaporation should take approximately 15 minutes. Stop heating when all the water is evaporated and a solid is formed (you will hear a crackling or popping sound as the last amount of water is evaporated). Stopper the boiling test tube and let cool. You have just isolated the product, zinc iodide. Once the stoppered tube reaches room temperature, remove the stopper from the boiling test tube and weigh.

12. Weigh the boiling tube when it has reached room temperature. Examine your data. Calculate a percent yield of zinc iodide (molar mass 319.17 g/mol), and write what you believe to be your best value on the black board. We can assume that this reaction goes to completion, therefore if you get a yield that falls between 95-105 % then you know you are doing things well. To calculate the theoretical yield you will have to write out the balanced chemical equation and determine the limiting reactant. Ask your instructor if you do not know how to do this. When performing calculations, don’t round off values until the final answer.

13. While you are in lab, think about if your data is trustworthy. Is it good data or so-so? How can you make it good? Can you bet a million dollars on your data? If not, what can you do? Please be very clear about which data is yours, which data you rejected, and which data is other members of your group (label data with their names). As you might have learned in the previous lab course, replication is the hallmark of science and is indispensable when arguing for why your data is good. Performing only one quantitative trial will extremely limit your ability to gain confidence in your data.

14. We will not be saving our zinc iodide so at the end of the lab you can dissolve it water and flush it down the drain. Make sure the unwanted barium sulfate is placed in a waste beaker under the hood. REMEMBER TO WASH YOUR HANDS AFTER LAB.

15. Compare the synthesis of zinc iodide using barium iodide and zinc sulfate with the synthesis using zinc metal and iodine that you conducted earlier in the course. Which reaction is the preferred one? Take into consideration percentage yield, efficiency, product purity (which synthesis is less prone to impurities), safety, and cost.

16. In order to answer the focus question in terms of cost, excerpts of the Aldrich Chemical Catalog have been copied in the lab manual. The Aldrich Catalog is a popular buyers’ guide for chemists and has the cost of the substances we used. Look up the following chemicals with their identifying catalog numbers in the table below and calculate how much zinc and iodine it would cost to make a kilogram of zinc iodide. Compare this cost with how much it would cost if zinc sulfate and barium iodide made the same amount of zinc iodide. Hint: How much would it cost to make 10 g of zinc iodide using the two different methods and reactants.


	Substance and Aldrich product number
	Amount
	Cost ($)

	Zinc granule  –10+50     (26,634-5)
	1 kg
	62.50

	Iodine chips     (37-655-8)
	2.5 kg
	250.90

	Barium Iodide dehydrate    (22,380-8)
	50 g
	44.30

	Barium Iodide anhydrous (non-aldrich)
	50 g
	39.95

	Zinc Sulfate heptahydrate   (38,134-9)
	1 kg
	40.50






A Post-Lab Checklist
					

	  Make sure you have the following raw data: 
			
			Description of all substances used.
		Chemical equation.
		Tabulated Mass of zinc sulfate
		Tabulated Mass of barium iodide
	Tabulated Mass of boiling tube + boiling chips
		Tabulated Mass of boiling tube + boiling chips + zinc iodide.
		Mass of zinc iodide.	
			
		Transform data into a Results Table showing all calculations. You will need to find the following: 
		Theoretical yield of zinc iodide.
		Percent yield of zinc iodide. 	 
	  
		Answer the Focus Question 
		






Performing a Titration to Quantify a Product

A key aspect of chemistry once a reaction is completed, is analysis. So far you have quantitatively analyzed your white colored compound from the reactant side based on your knowledge of how much iodine and zinc reacted. Now you will determine the amount of zinc from the product side. To do this you will perform a titration which is basically a reaction between a known quantified substance, Na2H2EDTA, and an unquantified substance in this case, the amount of zinc ion in your product, zinc iodide. Once you have mastered the technique of titration, you will be given an unknown zinc salt and asked to find out how much zinc ion is in this substance. By doing this activity you will see how one quantity can be logically deduced from other known variables in an elegant sequence of steps, as well as learn fundamental techniques of what chemists call “wet chemistry.”


FOCUS QUESTIONS:

1. What is the percent zinc of zinc iodide as determined 
by a titrimetric analysis? 

2. What is the percent zinc of an unknown zinc salt as determined 
by a titrimetric analysis?


First, Last and Always

1. All solutions in this activity can be diluted with water and disposed down the drain. 6 M HCl must be neutralized with a base such as sodium hydroxide before disposal. If contact is made with the acid, rinse well with soap and water.


Warm-Up:

Introduction
In this laboratory you will examine, in a quantitative manner, chemical reactions that occur in water. The purpose of this Warm-Up is to acquaint you with the skills you need to calculate the amount of reacting species in solution. In addition to this presentation, the subject is covered in your textbook. A word of warning: this material (i.e. the quantitative skills you will learn) is essential to the latter half of the course this semester. Since the material will not be covered in lecture, ignoring this Warm-Up will bring upon profound confusion.

The Language of Solutions
So far we have been concerned with measuring the amount of reacting materials by starting with the reactants in their pure solid state. When we ask the fundamental chemical question, “given some known masses of the reactants, how much product can we make”, we consider two things: 1) the balanced chemical equation and 2) the moles of the reactants and products. To obtain moles of reactants we had to ask how we could measure the reactants. When the reactants are in the solid state, the natural means for measuring amount is to measure mass (in grams). We are then concerned with converting mass to moles. I would like you to have a mental image of the process where you have a front end, a back end and a middle:

Use whatever is the natural form of measurement for the quantity of
matter and do the appropriate conversion to moles.



Use stoichiometry principles (the balanced chemical equation)
to compute moles of transformed reactants to products
and vice versa.



Use whatever measure is appropriate to the physical state of the products to convert moles of products to that measure.


When we dealt with solids, we converted grams to moles of the reactants, moles to moles to get the products, then moles of products to grams. In solution, grams will not be our natural measure. However, the middle section of this methodology will still apply.

What Species exist in Solution? 
Solutions contain more than one species. However, only one species is typically of chemical interest. It is convenient to give names to the different components of the solution. To begin with, we will be concerned with solutions that have two components. The chemical component we are interested in is called the solute. The medium in which the solute exists is called the solvent. Typically the amount of solute in a solution is significantly less than the
 amount of solvent. It is like fish in a lake. If you are fishing, you are interested in the fish (the solute) and not the water. However, there are very few fish compared with the vast quantity of water. The solvent acts as a medium in which the reaction takes place but does not enter into the chemical reaction (at least not in the reactions in this lab). 

Quantitative Measurements of the Solute
Since the solute is the species involved in chemical transformations, our goal will be the determination of the number of moles of solute in a particular solution. To be definitive, you want to carry out a reaction that involves zinc iodide. Instead of getting the zinc iodide in the solid state, you go in the lab and there is a flask that contains zinc iodide dissolved in water (in the solution state). What might the label on the flask say that will tell you how much zinc iodide there is in the water?

There are numerous measures of the amount of solute in solvent. Try this exercise.

Exercise 1.  Devise a measure of solute concentration that you would place on the label for the following case: You weigh out 2.56 g of zinc iodide. You put the solid zinc iodide in a 500 mL flask and fill the flask with water to the 500 mL mark. You now have 500 mL of a zinc iodide aqueous solution. On the label of the flask you write (there can be many different possibilities):

Exercise 2. Two students need zinc iodide that is in solution in the following amounts:

Student 1: 0.43 g of zinc iodide.
Student 2: 5.0x10-4 moles of zinc iodide.

For each case use your 500 mL of your zinc iodide solution from Exercise 1 (called the stock solution) and tell each of the students how much of the solution (in milliliters) they should take.




Molarity as a Concentration Unit
Although there are many different concentration units, the one we will use in this course is molarity. In the above exercise, you could have labeled the flask many different ways. Here are some of the possibilities I can think of:

a. 2.56g ZnI2/500 mL of solution
b. 0.00512 g ZnI2/mL of solution
c. 0.00806 moles of ZnI2/500 mL of solution
d. 0.00806 moles of ZnI2/0.5 L of solution
e. 0.0161 moles of ZnI2/L of solution

Exercise 3.  Verify numerically that all of the above are possible expressions for the concentration of the zinc iodide solution.

Although all of the above are equally valid concentration expressions, only e. is given a special name. When the concentration is expressed as moles of solute per liter of solution, then the unit is called molarity. Thus, the concentration in e is appropriately expressed as 0.0161 M, which is read as 0.0161 “molar.”

Exercise 4.  Suppose I have 250 mL of a 0.250 M solution of zinc iodide (called the stock solution).

a. How many moles of zinc iodide are in the solution?
b. How could I have prepared the solution if I had solid zinc iodide and a 250 mL flask?
c. How could I have prepared the solution if I had solid zinc iodide and a 500 mL flask?
d. What volume should I remove from the 250 mL stock solution if I want 0.0125 moles of zinc iodide?

Exercise 5. Now try this. I want to prepare 100 mL of a 0.125 M solution of zinc iodide from the stock solution in exercise 4. How would I do this? Assume you have a 100 mL flask available. This is called a dilution. It is crucial that you be able to do this type of calculation. Try this on your own or use the following hints:
a. How many moles of solute are you going to want to end up with in the 100 mL solution?
b. How many milliliters of solution are you going to need to take from the stock solution to get the moles in a?

To prepare the dilute solution you first remove the appropriate volume in b from the stock solution (called an aliquot). Then you put this aliquot in the 100 mL flask and dilute with water to the 100 mL mark. This type of dilution you will be doing in the lab. Now take some time to review this calculation.
To help you make dilution calculations, there is a handy formula that will be introduced to you by your instructor. The formula is MiVi = MfVf where M stands for molarity and V stands for volume. The subscripts "i" and "f" stand for initial and final.

Calculations for the Analysis of your Zinc Iodide.
For some of you it might be helpful to have the big picture first and then fit in the calculations later. For others of you it might be helpful to go through the calculations first and then see the big picture later. For all of you the pieces of the story will fit together at some point, so have patience. I will review the big picture first. Feel free to come back to it as you need it.


The Big Picture

You will be given a standard of zinc iodide and then will analyze it using titrimetric methods. To do this you will react zinc iodide with a solution containing EDTA4- (a compound that reacts with the zinc ion). Thus you are looking at the following stoichiometric reaction:
 
	Zn2+(aq) +  EDTA4-(aq)    Zn(EDTA) 2-(aq)

Notice that this reaction has a 1:1 stoichiometry. Thus, if you know how many moles of EDTA4- reacted you then know how many moles of zinc ion reacted. Here’s the rub: the EDTA4- is in solution. So you measure the moles of EDTA4- that react by measuring the volume of solution of known concentration of EDTA4- that reacts.  For example, suppose you have a solution of 0.103 M EDTA4-. You find that it takes 45.23 mL of this solution to react completely with the zinc ion. How many moles of EDTA4- must have reacted and how many moles of Zn reacted?

Notice that in order to compute how many moles of zinc ion you had, you needed to know the molarity of the EDTA4-. Where did this solution come from?

In this lab you will have to prepare it. EDTA4- is the anion that typically comes as a solid when bonded to sodium and hydrogen cations (Na2H2EDTA; for simplicity sake we will call this Sodium EDTA when referring to the substance in the solid state). You will weigh out an appropriate amount of Sodium EDTA to prepare a 1 L solution that has a molarity of 0.02 M. About how many grams of Sodium EDTA (molar mass = 372.24 g/mol) do you need to weigh to make 1 L of a 0.02 M solution?

This ends the overview of the lab. We will now review the calculations in the order in which you will do them in the lab. You should do the sample exercises to be sure you are well-versed in these calculations. The data presented below is not necessarily the data you will use in the lab.

Calculations for Preparing the EDTA Solution
Exercise 6.  First you will prepare a large volume of the EDTA4- solution, say 1 L. You want the EDTA4- solution to be approximately 0.02 M. 

	a. Knowing that Na2H2EDTA has a molar mass of 372.24 g/mol, and that there is a 1:1 stoichiometry between the EDTA4- ion and its solid sodium salt based on the equation, Na2H2EDTA(s) + H2O(l)  EDTA4 -(aq) + 2Na+ (aq) + 2H+(aq), how much Sodium EDTA should you weigh out?

	b. If you dissolved the amount of Sodium EDTA you found in part “a” in 1.00 L of water, what would be the exact molarity of the EDTA4- solution you just prepared? 

Synthesizing the Zinc Iodide
This semester you will make up the “acidified water” from a 6 M stock solution of acetic acid. You need to make 100 mL of 0.50 M solution of acetic acid. 

Exercise 7. How would you make 100 mL of 0.50 M acetic acid from a 6 M stock solution? Either proceed with the calculations or answer the following questions to help you do the calculations in a reasonable order.

	a. How many moles of acetic acid are in the 100 mL of the 0.50 M solution?
	b. How many milliliters of the stock solution should you take to get the above calculated moles?
	c. You can use graduated cylinders to make up your solution. Using the above calculations, write a brief procedure for preparing the 100 mL of the 0.50 M solution of acetic acid.

Titrating the Zinc Iodide with the EDTA4- Solution
A titration is simply a reaction usually between two solutions using specified glassware. Your instructor will demonstrate how one performs a titration. 

To obtain the percent zinc in your zinc iodide, you will titrate a small sample (about 0.2 g) of zinc iodide with the EDTA4- solution of known molarity. Suppose you obtain data in the following exercise:

Exercise 8. You weigh 0.237 g of zinc iodide. You dissolve this zinc iodide in an Erlenmeyer flask and plan to titrate it with the EDTA4-, which you have determined to have a molarity of 0.0189 M. You load the EDTA4- solution into the buret and take an initial volume reading of the buret. The initial volume is 0.55 mL. You then titrate the EDTA4-, carefully, into the zinc iodide solution until the endpoint is reached. The final volume reading of the buret is 42.35 mL.

	a. How many mls of EDTA4- did you react with the zinc iodide?
	b. How many moles of EDTA4- did you react with the zinc iodide?
	c. How many moles of zinc reacted with the EDTA4-  ?
	d. How many grams of zinc are in your zinc iodide sample?
	e. What is the experimentally determined percent (multiply by 100) by mass of zinc in your zinc iodide sample?
	f. How does the percent you calculated in "e" compare with the theoretical percent zinc in the compound ZnI2 (use molar masses)?

Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

Zinc Iodide
Na2H2EDTA(s) 
Calmagite indicator solution
pH 10 buffer solution
6M Acetic Acid
"Unknown Zinc Compound"

1. Your main purpose for the first part of this lab is to determine the amount of zinc ion, expressed in percent, in a sample of zinc iodide by titration. There are two different sources of zinc iodide and your job is to find which is the purest. The samples are:
	
  a) zinc iodide made by zinc and iodine (elemental synthesis)

  b) commercially purchased zinc iodide (the standard)

2. Groups will be formed by your instructor and each group will titrate the two zinc iodide samples. Review the procedures for making zinc iodide elementally and by double replacement in your lab manual.

3. Before you begin titrating you must first successfully make up the titrant, the substance that will react with zinc ion.

 Preparing a solution of EDTA

To find how much zinc is in a sample of zinc iodide we will react zinc as an ion with a substance called dihydrate sodium salt of ethylenediaminetetraacetic acid which has the formula, C10H14N2O8Na22H2O. (Whoa, that is a long name; let’s nick-name this substance Na2H2EDTA and call it Sodium EDTA when referring to this substance in the solid state.) Na2H2EDTA can be bought from a chemical supply house with a purity of  99.5%. This value, calculated to the tenth's place will give a concentration value to three significant values which is precise enough for our purposes. For zinc ion to react, Na2H2EDTA must also be an ion in solution; this means we have to dissolve this large salt in water. Each group will dissolve one quantity of the salt as directed below.

Dissolving Na2H2EDTA involves a volumetric flask, the use of which is described in this lab. Do not use a graduated cylinder since it is not a high precision vessel. Weigh out between 3.62 and 3.65 grams of Na2H2EDTA on the analytical balance and add this using a wide mouth funnel to a 250 mL volumetric flask. Rinse the funnel with a squirt bottle containing deionized water making sure none of the solid remains in the funnel. Add about 100-200 mL of deionized water, swirl until dissolved and fill to the mark. Most of this solution can be stored in a clean 250 mL Erlenmeyer flask placed inside your desk for safe keeping; use a cork wrapped tightly with Parafilm. You should know that Na2H2EDTA dissociates in water as expressed by the following equation:  

Na2H2EDTA(s) + H2O(l) EDTA4 -(aq) + 2Na+(aq) + 2H+(aq). 

The molar mass of Na2H2EDTA is 372.24 g/mol. 


Reacting EDTA with your Zinc ion in Zinc Iodide
4. The anion of  Na2H2EDTA reacts with zinc ion as expressed in the following equation: 

	EDTA4 -(aq) + Zn2+(aq)  [Zn(EDTA)]2-(aq) 

We will react EDTA4 - with zinc ion titrimetrically, that is, by performing a titration using a buret. The buret will contain the solution of EDTA and an Erlenmeyer flask will hold the zinc ion solution (iodide ion is a spectator ion and will not react).

5. Set up your titration apparatus and using a small beaker, fill a clean 50 mL buret with your solution of EDTA4 -.

6. Using the analytical balance, weigh out 0.25 grams of anhydrous zinc iodide on a piece of tared weighing paper and record the mass. This amount should be used with the two different sources of zinc iodide. The standard of zinc iodide can be transferred directly from the bottle, while the zinc iodide made experimentally should be broken up first to find and eliminate any boiling chips. Transfer the zinc iodide into a DRY 125 mL Erlenmeyer flask. You have to weigh the zinc iodide fairly quickly, since it slowly absorbs water from the air and will affect your measurement. If some very small pieces of zinc iodide stick to the weighing paper then subtract this amount from the total by weighing. If larger pieces stick, you can wash these into the Erlenmeyer flask with a small amount of buffer; don’t use water.
	(Why should the zinc iodide be anhydrous? If zinc iodide is exposed to the air it will slowly absorb moisture, especially when it is humid, and form a hydrate. This will in turn effect the mass of the sample. Standing samples of zinc iodide can be heated, cooled slightly, stored in a desiccator (a ziplock bag with desiccant) until they reach room temperature, and weighed.)

7. The order of the next three reagents is critical. The order is: buffer, water, indicator. Measure out 10 mL of a pH 10 buffer solution in a 10 mL graduated cylinder and add it to the 125 mL Erlenmeyer flask containing the zinc iodide. Immediately swirl the flask until all of the zinc iodide dissolves. 
	(Why should mixing occur immediately? If mixing is not immediate, a white precipitate could form on the bottom of the flask. This is not desired since this titration demands that all of the zinc iodide dissolve in solution in order for the zinc ion to react with the EDTA4 - ion. The precipitate should dissolve with additional mixing. If this doesn’t work then your flask was not clean enough. Make sure you rinse the flask about 3 times with deionized or distilled water).

8. Add 15 mL of deionized or distilled water from a graduated cylinder and wash down the inside walls of the Erlenmeyer flask with a small amount of water from the squeeze bottle. 
	(If you added the water before the buffer and a white precipitate forms, and the precipitate doesn’t dissolve upon the addition of the buffer, you must reject this sample.)

9. Using an eye dropper, add 10 drops of Calmagite, the color indicator, to the zinc iodide solution. 

Your first titration is for practice. A practice titration is useful to determine where the endpoint is generally located; you can let the solution in the buret flow quickly, instead of drop-by-drop. This will save you lots of time when you do subsequent titrations. When you know where the endpoint is, titrate quickly and then go drop-by-drop as you approach the endpoint. If you can split a drop at the endpoint, all the better. If you have a question, don’t hesitate to ask the instructor

10. Record the initial volume of the buret and then titrate (open the stop cock and add the 
EDTA4 -). The color of the solution should turn from a wine red through purple to a pure blue end point. Stop titrating when the solution just turns blue. This is difficult, but concentrate on achieving a blue color not a purple color. An instructor's flask will be available to you to allow you to determine if you under or over titrated. Record the final volume of the buret and calculate how much EDTA4 - solution was used.

11. If you titrate other samples of zinc iodide, weigh out as close to 0.25 grams as possible during each trial. If you run out EDTA4-, make up a fresh 250 mL using the volumetric flask; remember to calculate a new concentration. (When you perform other trials it is important to rinse out the Erlenmeyer flask a few times with deionized water. You also want the Erlenmeyer dry because we don’t want water to interact with zinc iodide and create any unwanted white precipitate before you begin titrating.

12. Calculate the percent zinc in your sample of zinc iodide. You will report an average of however many trials your group makes. Do not move on to the next step until you have made your calculations and analyzed your percent values. You can only compare these percent values to determine if your data is good; you cannot compare the amounts of EDTA titrated from your buret. If you have problems calculating ask the instructor to help you. If you have any doubts about your data, formulate a plan to solve the problem. When you can bet a million dollars on your data, then you can move to the next step.

13. After you have finished with the "known" sample, your group will be given a sample of an unknown zinc compound. Using an analytical balance weigh out between 0.15 and 0.16 grams on a piece of weighing paper, record the weight and then add it to a clean, dry 125 mL Erlenmeyer flask. 
	(What should one do if it is humid and the weighed unknown zinc compound starts to dissolve from the water in the air? You should reweigh an entirely new sample since you don’t know how much water is present in the sample. If the entire bottle of your unknown zinc compound is very moist, it is recommended that you dry it by placing a small amount in a test tube and wave it gently over a flame. This substance has a lower melting point than zinc iodide, therefore do not heat it strongly or it will melt. This will make it difficult to remove the substance from the test tube.)

14. Perform a titration on the unknown zinc compound and determine the percent zinc in the sample (assume a 1:1 stoichiometry between the zinc ion in the compound and the EDTA4- ion). You will again report an average of however many trials your group makes. 





The Meaning of a Titration

In many chemical reactions, two or more reactants must come into contact with each other in order to react. With aqueous reactions, this is usually accomplished when a solution in one beaker is added to another solution in a second beaker. A titration is a method that does not involve beakers, instead, one solution is added from a buret to another solution in an Erlenmeyer flask. Using a buret rather than a beaker allows more precise measurements to be made which will eventually allow us to determine an unknown quantity of substance to a fairly high level of precision. When the solution in the buret comes into contact with the solution in the Erlenmeyer flask, they quickly react until both are chemically transformed. When both chemicals are completely transformed a color change is produced from a third chemical placed in the flask called a color indicator. The color change is a consequence of one drop of the substance in the buret (the titrant) reacting with the indicator. The point at which the color change occurs is called the end point. This color change is really important because it signals to you that the moles of the reactants of the two solutions are in the same (or nearly the same) stoichiometric relationship (they are proportional to the coefficients) as expressed in the balanced chemical equation.


Using a Buret

One kind of volumetric glassware widely used in chemical laboratories is a buret. It is designed to deliver a precise volume. The proper method for using this piece of apparatus is described below.

Cleaning a Buret
As you work in lab you will be given clean glassware, but for those occasions where none is available you will have to clean the glassware yourself. Why do we have to clean volumetric glassware so well? Mainly because we require that the piece of glassware deliver or hold a precise volume. To do this the glassware's inside surface must be very clean. When liquid drains over a dirty surface, droplets stick and remain on the glass. When liquid drains over a clean surface, it flows as a thin, even, unbroken film, and no droplets remain behind. First test your buret for proper draining by adding and emptying water. If droplets adhere to the inner surface, wash the glassware with detergent; if available use a long brush to clean the buret. Rinse off the detergent thoroughly three times with tap water, then three times with deionized water.

Burets                                                                         
A buret is a long, narrow tube with a stopcock at one end. It is calibrated in millimeters and tenths of milliliters along its length with numerical values increasing as one reads down the tube. By reading the level of the liquid inside the buret before and after it is drawn off, the total volume used can be measured quite precisely. Although the buret is calibrated only every 0.1 mL, volume readings to the nearest 0.01 mL can be obtained by estimating the distance between two calibration marks. (The uncertainty in such readings is probably + 0.02 mL.) You should learn to operate the stopcock of the buret with one hand so that the other hand is free to swirl the titration flask. The instructor will demonstrate the proper techniques for using the buret. When performing a titration, one will use a buret holder, ring stand, an Erlenmeyer or conical flask containing a solution to be titrated, a buret containing the titrant, and a color indicator. A diagram of a titration setup can be seen below. Although the buret is capable of giving results with very high precision when it is properly used, many common errors in technique lead to poor results. These errors, and the ways to avoid them, are discussed in the next section.
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Proper Techniques for using the Buret
1. The inner surface of the buret must be completely clean. If it is not, the apparent volume delivered will not be correct. Always check that water drains in an unbroken thin film from the buret before using it.

2. If a buret that is wet with water is filled with a solution, the solution becomes diluted, so that its concentration changes and is no longer known. Therefore, before filling a buret, always rinse it three times with small portions of the solution you will use for titration. Allow the portions of rinse solution to flow through the stopcock and out the tip of the buret. 

3. When filling the buret, be sure the tip is completely filled with solution and contains no air bubbles. Check especially right under the stopcock. The buret tip must be filled and any air bubbles removed before the buret is used for titration. An air bubble will often flow out if the stopcock is rapidly turned 180 degrees. If the bubble stubbornly persists, hold the tip of the buret over the sink, open the stopcock, and give the buret a quick jog or jolt. Close the stopcock, clamp it using the buret clamp to the ring stand and fill to the top with the solution.

4. The buret should always be held strictly vertically by the buret clamp.

5. A parallax error results if the level of the meniscus is not read at eye level, horizontally. To avoid this error, you should position your eyes so that the back of the milliliter line nearest to the meniscus cannot be seen because it lies directly behind the front of the milliliter line.

6. Errors can also result from difficulties in locating the position of the meniscus. Always read the level of the bottom of the meniscus (the curved liquid surface that results from the attraction between water and glass). To facilitate seeing this, hold behind the buret a white card that has on it a black mark with a straight upper edge. If the buret markings are dark, the black mark should be placed about 1/4 inch below the meniscus, whose position can then be seen more sharply because the black mark is reflected from the curved surface of the solution. If the buret markings are white, hold the black mark directly behind the meniscus to make it stand out more clearly.

7. The solution to which the titrant is being added must be continuously swirled to ensure uniform mixing and that the titrant completely reacts.

8. When approaching the end of a titration, it is often necessary to add a fraction of a drop of solution. To do this, slowly and carefully open the stopcock long enough to let a partial drop form on the tip of the buret, then close the stopcock. Touch the wall of the titration flask to the tip of the buret to remove the partial drop, then rinse the drop down into the flask using water from your wash bottle. (This is called “splitting a drop.”) Never rinse the tip of the buret.


Using a Volumetric Flask

Volumetric flasks are used to prepare solutions of known concentration. These flasks are designed with long narrow necks, inscribed with a circle designating the volume of each particular size of flask, for example, 50.00 mL or 100.00 mL. A diagram of a volumetric flask and the proper use in using one is described below. If a solid is to be added to the volumetric flask and then dissolved with a solvent such as water, the solid can be added directly to the flask using a clean funnel or be dissolved in water in another vessel and then carefully transferred to the volumetric flask. In any case the volumetric flask must be clean but does not have to be dry. When the solid is added to the flask, any particles near the neck of the flask should be washed down. Then the flask can be filled about three fourths full with water.

 The flask can simply be swirled until the solid dissolves. If the solid is not dissolving in a timely fashion then the flask can be stoppered, inverted, and shaken. Repeat this mixing procedure until the entire solid sample is dissolved.

Water should then be added until the level of the solution is about an inch below the inscribed line on the neck of the flask (the calibration mark). Stand the flask upright in order for any drops to drain down the neck and then using an eye dropper, add the solvent dropwise until the bottom of the meniscus rests on the top of the calibration mark.
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To avoid a parallax error, view the calibration mark at eye level, so the front and back of the etched mark appears as a single line. Mix by inverting and shaking the flask about a dozen times. Set the flask upright. After waiting about one minute to allow time for draining, check the level of the solution. If the meniscus is below the calibration mark, add more water using the eye dropper, and repeat the mixing procedure. 



 A Post-Lab Checklist
		
		Make sure you have the following raw data:
		
		Tabulated mass of solid zinc iodide added to Erlenmeyer.
		Tabulated initial reading of EDTA4 - in buret. 
		Tabulated final reading of EDTA4 - in buret. 
		Descriptions of all substances used. 
		Description of color change at endpoint. 
		Amount of Na2H2EDTA weighed out 

		Transform data into a Results Table showing all calculations. You will 
		 need to find the following:
		Concentration of EDTA4 - used. 	
		Total volume of EDTA4 - titrated. 
		Moles of zinc cation reacted at end point. 
		Mass of zinc cation reacted at end point. 
		Mass of zinc cation divided by mass of zinc iodide sample multiplied by 100 (This is the percent zinc in zinc iodide). 
		Reported average percent zinc in zinc iodide from group. 
		Percent zinc in unknown sample. 
		Average percent zinc in unknown sample. 	

	Answer the Focus Question. 

	Answer the following Post-lab Questions 

1. What is the theoretical (calculated) percent zinc in your samples of zinc iodide? 

2. How does the percent zinc in your sample of zinc iodide you analyzed in lab compare with the theoretical value. 

3. Why aren't they exactly the same? 

4. A young chemist wishes to determine the percent of iodide ion in zinc iodide. To accomplish this goal she titrates a 0.0274 g sample of zinc iodide with a 0.0100 M solution of silver nitrate. The reaction is:
		Ag+(aq) + I-(aq) ? AgI(s)

When the endpoint is reached she stops the titration. From the data collected below, 1) determine the percent iodide in zinc iodide and comment on the accuracy of this value, 2) determine the empirical formula from the percent of zinc in zinc iodide you found from this lab and the percent of iodide in zinc iodide from this problem. 

Data:
1. Mass of zinc iodide		0.0274 g
2. Initial buret reading		17.86 mL
3. Final buret reading		34.90 mL
		

The Ideal Gas Law

As you walk down a city street you are often confronted with a variety of gaseous products: vapors from baked bread, exhaust fumes, garbage, pizza, cigarette smoke, trees blooming in spring, chicken kabob from an outdoor vender. While some of these odors are pleasant and some quite noxious, it reminds us of the human activity and industriousness that characterizes a city. In this activity you will be taught how to collect gases and quantify them in the lab. This might help you solve a little mystery I call the carbonate conundrum. It goes something like this: There is an old bottle of a white solid labeled “zinc carbonate”, except that the label does not contain a chemical formula. Is the formula the same as that cited in the Merck Index, 3Zn(OH)22ZnCO3, or is it the formula as expressed in the Aldrich Catalogue, ZnCO32Zn(OH)21H2O? You must discover the correct formula by performing qualitative and quantitative tests. In other words, you have to apply stoichiometry to gases in order to solve the problem.


FOCUS QUESTION:

What is the chemical formula of a bottle labeled "Zinc Carbonate"? 



First, Last and Always

1. All solutions in this activity can be diluted with water and disposed down the drain. 

2. Solids must not go down the drain; they are collected in a waste beaker located under the hood.            



Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

Zinc carbonate
calcium hydroxide
3 M HCl 
20 mesh granular zinc 
3% hydrogen peroxide 
manganese dioxide
copper sulfate 
zinc iodide
0.1 M acetic acid
	zinc oxide 

Qualitative Analysis of Products
1. To determine the correct chemical formula of your zinc carbonate you can decompose it by heat and analyze its products qualitatively and then quantitatively. First, try to make a prediction as to the nature of the products. Hint: you will be making three products, one being a gas. You will begin with the gas and determine if it is hydrogen, oxygen or carbon dioxide. To do this you must fill a boiling tube with zinc carbonate and set up a gas collection apparatus; this apparatus allows you to collect gas “over water.” (Your instructor will demonstrate how to setup this apparatus, how to fill the gas collection jar with water, and test for a gas. Please make sure the hole in the water trough is not blocked. A paper clip might be needed to unblock any obstructions). 
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Figure 1: Gas Collection Apparatus


2. Please read the next three paragraphs before working. 
General heating technique: Take about 1-2 large spatulas of zinc carbonate (about the size of 4 peas) and add it to the boiling tube; then heat the end of the test tube over a Bunsen burner flame until the entire solid sample changes color or when you see only a few intermittent bubbles of gas being produced (not more than 5 minutes; if you overheat you will melt the test tube). At this point disconnect the rubber stopper from the boiling tube. Do this before it cools or water will travel backwards into your tube and contaminate your solid product.

Collecting a liquid product: If you loosely wrap a damp paper towel around the upper-outer section of the boiling tube away from the flame, you might be able to condense a gaseous product into its liquid state. In addition to this you should cut a large piece of qualitative filter paper in half and then fold it and then curl it inside the boiling tube near the rubber stopper. The entire piece of filter paper should be inside the test tube and not making contact with the rubber stopper. If a liquid forms, the filter paper will help absorb it and prevent it from falling back onto the solid being heated. Make sure the rubber stopper is securely in place since gas can easily leak out.

Collecting the gaseous product: Prepare the gas collection bottle by positioning the bottle so that its mouth is directly over the hole at the bottom of the trough; this is where the gas will enter the bottle. After the reaction, slide a square of glass over the mouth of the bottle while the bottle is still under water. Keeping the glass fixed to the mouth, raise the collection bottle and invert. Keep the square on the bottle or the gas will escape. Detach the rubber stopper from the boiling tube.

3. Once you have collected the gas (this will be called product #1), identify it by performing some qualitative tests. 

4. Now that you have identified your gas write this as a product in a chemical equation with zinc carbonate. Try to predict what the other two products may be. 

5. Do you see any condensed liquid collecting on the walls of the boiling tube? Did the filter paper collect any liquid? If it did, hypothesize as to the nature of this product. And what about a third product? Any ideas?

6. Perform ALL of the below qualitative tests to identify your 3 products. You might need to repeat the decomposition reaction to collect more products to test.

(The following substances can be identified by qualitative tests. Perform tests on your product that make sense, but perform ALL tests on the standards. A “spatula tip” will refer to the amount that is approximately the size of a pea).

Qualitative Tests to identify gas, liquid and solid products

	Name of Test
	Test Procedure on standards
	Test Procedure on product

	
Test for Hydrogen  (H2)

GAS
	
A Hydrogen gas standard can be prepared by adding 3 M HCl to granular zinc in a small or regular sized test tube (not a boiling tube). Place about 0.5 grams of granular zinc into a test tube and add about 5-7 mL of 3 M HCl. Swirl to mix and then insert a flaming wood splint near the opening of the test tube. 

If a popping sound is heard then this is a positive test for hydrogen. 


	
Wooden splint test: 
Use 1-2 large spatulas of zinc carbonate and collect a gas product over water as previously performed. About half of the vessel should be filled with gas. Slide a glass square over the mouth of the collection vessel, remove both from the water trough, and then invert the vessel right side up on your bench. Keep a finger on the glass to prevent the gas from escaping. 

Ignite a wood splint. Remove the cork and quickly insert the flaming splint near the opening of the glassware containing the gas product.

If a popping sound is heard then this is a positive test for hydrogen.

If the flame of the splint goes out inside the jar, then this is a positive test for carbon dioxide.

If the flame of the splint becomes brighter, then this is a tentative positive test for oxygen (see test for oxygen standard).


	
Test for Carbon Dioxide (CO2)

GAS
	
Lime water test: Take a spatula tip of calcium hydroxide and place it into a 150-250 mL beaker. Add 100 mL of water. The solution should get cloudy. Filter using qualitative filter paper. You should get a fairly clear solution. To one part of this lime water (about 25 mL) you can add carbon dioxide by exhaling slowly through a straw into the solution. Exhaled air is a good source of carbon dioxide. After many exhalations you should see a very light white precipitate throughout the lime water.

	
If you think your gaseous product is carbon dioxide, you can do a secondary test to confirm this. 

Lime water test (see left side for preparation)
Use 4-5 spatulas of zinc carbonate and collect an entire vessel of gas. Use a piece of square glass to trap it and set in on your bench. Remove the glass and quickly pour 50-75 mLs of filtered lime water into the gas collection bottle. Reseal and mix. If carbon dioxide is present (dissolved in the solution), this solution will turn cloudy with a faint white suspended precipitate. This white cloudiness should compare to a certain degree to your standard.
 



	
Test for Oxygen (O2)

GAS

	
Oxygen can be prepared by first adding 0.25-0.50 g of manganese dioxide to a 125 Erlenmeyer flask. Separately acquire 30 mL of 3% hydrogen peroxide in a graduated cylinder. Now add the hydrogen peroxide to the Erlenmeyer flask, cork and wait about 1 minute. After this time has passed, place a glowing splint inside the mouth of the flask without touching the side of the flask. If oxygen is present then the glowing splint should reignite or glow brighter. 

You can prepare a splint by lighting it then blowing it out. You want the splint to be glowing.

	
Collect your gas product over water. Light a long wooden splint and then blow it out; immediately place the glowing splint inside the mouth of the gas collection vessel without touching the sides of the bottle. The splint should re-ignite or glow brighter if oxygen is present.

	
Test for Water (H2O)

LIQUID
	
(Deionized water is available in the lab near the faucets. Please see the instructor if you do not know where it is.)

Copper sulfate test: 
Examine the anhydrous copper sulfate while in the bottle. The copper sulfate should be white or a very pale blue in color. If the copper sulfate is a stronger blue it has absorber water from the air and you need to place some in a test tube and flame dry it over a Bunsen burner (a small spatula tip will do). When it is a whitish color, stop heating, cork, let it cool and use it for the following tests. 

Add 1 drop of water as your standard to your copper sulfate. The white anhydrous copper sulfate will become hydrated and turn a blue color. 

	
If you think your liquid product is water, you can perform a copper sulfate test. 

Copper sulfate test:
Your liquid product should be absorbed onto a piece of filter paper which was placed at the mouth of the boiling tube containing zinc carbonate.  If you heated too long, there won’t be any moisture present on the filter paper. You will have to redo the reaction. 

Place some whitish copper sulfate on the damp part of the filter paper. Using a spatula smear the copper sulfate into the filter paper to ensure contact. If water is present a blue color will be observed. 




	
Test for Zinc
Hydroxide: Zn(OH)2

SUSPENDED SOLID IN AQUEOUS SOLUTION
	
Zinc hydroxide is a white solid that usually forms in solution. It is not very stable as a dried solid, therefore a standard of zinc hydroxide is not available commercially. A standard can be prepared by adding a spatula tip of zinc iodide to about 3 mL of deionized water. Zinc iodide will dissociate and the zinc ions will react with the water to produced a fluffy white precipitate of zinc hydroxide. If this doesn’t happen mix longer and/or add a few mLs of water. 

Visual Test: If zinc hydroxide is present then a fluffy white solid suspended in solution will be observed.

Acid Test: Solid white zinc hydroxide reacts with acetic acid to yield water and a colorless solution of ions. Try this by adding 3-5 mL of 0.1 M Acetic Acid to a test tube containing zinc hydroxide. Mix. A positive test will produce a colorless solution when acid is added.

	
If you think your solid product is zinc hydroxide you can perform the following tests. 


Visual test:
Add a spatula tip of your solid product to a test tube filled with 3 mL of deionized water. Mix. Compare this to a test tube containing zinc hydroxide suspended in 3 mL of deionized water. If they are similar, then your product is positive for zinc hydroxide.

Acid test:
Add a spatula tip of your solid product to a test tube. Add 3-5 mL of 0.1 M Acetic Acid. Mix. If this solid dissolves to a colorless solution then your product is positive for zinc hydroxide.



	
Test for Zinc Oxide 
(ZnO)

SOLID

	
A standard of zinc oxide is available in the lab.

Visual Test: If zinc oxide is present then one will observe a fine white or off-white solid. 

Reversible Color Change Test: A unique characteristic of zinc oxide involves a reversible color change. When white zinc oxide is heated, it turns yellow and then upon cooling, it turns white again. Strongly heat a pea size amount of zinc oxide in a test tube for about a minute. If a yellow color change is observed in part of the sample or throughout the entire sample, then fades to white when cooled, the test is positive. Be warned that excessive heating could melt the test tube.
	
If you think one of your products is zinc oxide you can perform the following tests. 

Visual Test: If your product is a fine white or off-white solid, then your product is positive for zinc oxide. 

Reversible Color Change Test: Strongly heat a pea size amount of your white product for about a minute or so. If your product is zinc oxide, then your product will turn yellowish when heated, and whitish when cooled. 






Quantitative Analysis of Products

7. Now that you have qualitatively determined all three products, your next goal is to determine the specific identity of the zinc carbonate you are analyzing. You can do this by a quantitative analysis of the products.

8. Fill a gas collection bottle with water to the top and then without spilling, transfer this volume of water to a 100 mL graduated cylinder and measure this volume. When the cylinder is full, empty it and continue filling. Repeat the entire procedure twice more, averaging three values. 

9. Place a dry boiling tube on an analytical balance and record the mass of the boiling tube. Once you have done this, tare the boiling tube.

10. Weigh out close to 1.75 grams of zinc carbonate.  

11. Once your zinc carbonate sample is weighed out, tap it gently to make sure the entire sample is at the bottom of the test tube. If some reactant adheres to the walls, remove this with a rolled piece of paper towel and reweigh.

12. Prepare the gas collection bottle by positioning the bottle so that its mouth is directly over the hole at the bottom of the trough; this is where the gas will enter the cylinder. 

13. Position the boiling tube on a 30-degree angle. It should also be positioned such that the tip of the cone from the Bunsen burner will touch the bottom of the boiling tube where the zinc carbonate sample is found. Make sure the rubber stopper is firmly placed within the test tube so that no gas will leak. In order that any condensed liquid that forms on the upper end of the boiling tube does not fall back into the solid, a piece of filter paper should be placed inside the tube as an absorbent. Not using a piece of filter paper will affect the weight of your solid product.

14. Heat the boiling tube until no more gas bubbles or only a few bubbles are being displaced into the collection jar (do not go beyond 5 minutes or you could melt the test tube). Disconnect the rubber stopper. Slide a square of glass over the mouth of the bottle while the bottle is still under water. Keeping the glass fixed to the mouth, raise the collection bottle and invert. Keep the square on the bottle or the gas will escape. Now you can measure the volume of the gas collected in the bottle by removing the square glass, and emptying the water from the collection bottle into a graduated cylinder. The difference between this volume of water and the total volume of the collection bottle you measured previously is equal to the volume of the gas you collected. Record all values into your notebook. 

What is critical in this experiment is to keep as many variables constant as possible. You should heat the sample for about the same length of time, you should locate the tip of the Bunsen burner flame on the same place on the boiling tube, and use the same type and length of rubber tubing. If these conditions are kept constant you will be able to replicate your data and to compare your values with other members of your group.

15. Let the boiling tube cool until you can grasp it safely. Remove any liquid adhering to the sides of the boiling tube with the piece of filter paper. If this does not work, use a twisted piece of paper towel. 

16. Record the temperature of the water bath.

17. Your instructor will show you the barometer and how it works, and put a P(atmosphere) value on the board. Copy this into your notebook.

18. Weigh the boiling tube containing the solid on the analytical balance in a tared beaker. IT MUST BE AT ROOM TEMPERATURE. Find the mass of the solid by difference.

19. Dispose of this solid in waste container found under the hood. Clean out the boiling tube and dry it very well. If it is not dry, small amounts of zinc carbonate used on a subsequent trial will adhere to the sides of the wall and will not decompose properly.

20. After you have finished you must repeat the procedure with an empty boiling tube. This “blank” is necessary because there is air in the test tube that when heated expands and is consequently collected with your gaseous product. Disconnect the entire setup to let air back into the system. Heat an empty boiling tube with a Bunsen burner for the same length of time and in the same place as if a sample was present. Instead of using a gas collection bottle, use another boiling tube to capture any gas. Perform 3 trials and calculate an average value. This value will be referred to as a “correction factor” and will be subtracted from the amount of gas collected during each of your decomposition trials.


Help with Calculations

To determine which formula of zinc carbonate you started with, you must calculate the moles of your solid product (zinc oxide or zinc hydroxide) and your gaseous product (carbon dioxide, hydrogen, or oxygen). Your liquid product is too difficult to quantify so we have to ignore this for now. Finding the moles of your solid product is easy, just use its mass and the corresponding molar mass of the compound to get moles. For the gas you have to use 

				P(collected gas)V=nRT.   

Now let’s look at each variable expressed in the equation more closely:

Pressure (P)
The conversion factor is: 1 atm = 760 mmHg

P(collected gas) can be found by  using P(atmospheric) = P(collected gas) + P(water vapor).  P(atm) is measured in millimeters of mercury from the barometer (you instructor will show you the barometer and put the measurement on the board).

P(water vapor) is needed because water vapor is present from the water in the collection vessel. You have to use the water vapor chart found in this lab manual to determine P(water vapor). You must convert mmHg to atm.

Use P(atm) and P(water vapor) and solve for P(collected gas).

V is the volume of gas you collected in and must be expressed in Liters. Conversion: 1000 mL = 1L. You must use a corrected volume because there is air in the hose that goes to the collection jar. Use:

	Corrected volume of gas in mL = volume of gas in mL – correction factor in mL

The correction factor is the number of mL of gas collected when the boiling tube was heated empty.

Temperature (T)
T is the temperature of the gas which is assumed to be the temperature of the water in the trough. T must be expressed in Kelvin. The relationship between Kelvin and Celsius is: Kelvin = 273.15 + Celsius

Gas Constant
R is the gas constant and is equal to 0.0820578437 L · atm · K-1 · mol-1

Moles
Now you are ready to solve for n or moles of gas.

Once you have found the moles of the solid that you made as well as the moles of the gas that you collected, calculate a ratio of the solid to the gas. To do this you must make the smallest value equal to 1 (divide each by the lowest value). Your calculations might generate:

1.1 to 1

You have to round off, so round to the nearest integer:

1 to 1

Here is another example;

1.64 to 1

Here you should round off to 1.5, not 2. Why? Because you can double the two values to make integers. For example, doubling transforms 1.5 to 1 => 3 to 2.

So round to the nearest integer, but if you are close to a middle value, round to the closest 0.5

Place these integers before the substances in the equation (they are the coefficients). Then choose one of the possible zinc carbonate formulas and write this as the reactant. Here is an example of what I mean:

(3Zn(OH)2.2ZnCO3)     Coef. (solid product) + Coef. (gas product) + H2O

Count atoms on the reactant side and the product side. You should choose the formula that allows an equality of atoms on both sides of the arrow. In other words, use the conservation of matter to guide your choice.


The Purpose of Using a Barometer

Pressure refers to a force applied on a surface; barometric pressure refers to the forces exerted by gases in the atmosphere. Barometric pressure can be read using a mercury barometer or electronically via mathematical algorithms. We will read the pressure in the lab electronically. 

The units used to express pressure are varied. For our purposes pressure must be expressed in mmHg. Make any necessary conversions if needed. 

In this activity, where a gas is collected over water, the atmospheric pressure (Patm) pushes down on the water in the trough which pushes against any gas that is being collected. This atmospheric pressure is equal to the partial pressure of the collected gas in the glass cylinder plus the partial pressure of gaseous water molecules (where there is liquid water there is gaseous water). We can find the partial pressure of water vapor by using the table below. 













Vapor Pressures of Water at Various Temperatures of Water

	Temp. (C)
	Pressure
(mm Hg)
	
	Temp.
(C)
	Pressure
(mm Hg)



	0
	4.580
	
	23
	21.068

	5
	6.543
	
	24
	22.377

	10
	9.209
	
	25
	23.756

	15
	12.788
	
	26
	25.209

	16
	13.634
	
	27
	26.739

	17
	14.530
	
	28
	28.349

	18
	15.477
	
	29
	30.044

	19
	16.478
	
	30
	31.823

	20
	17.535
	
	31
	33.696

	21
	18.650
	
	32
	35.663

	22
	19.827
	
	100
	760.00





	
We can use this table value along with the atmospheric pressure to calculate the partial pressure of the collected gas. Use the following equation and solve for P(collected gas).

	P(atm) = P(collected gas) + P(water vapor)

If you have a water temperature reading of 16.2 you should round to 16 and use the corresponding pressure value. If you have a temperature reading of 16.5, you should average the pressures that correspond to 16 and 17 C. 

Here is an example of what I mean.

The atmospheric pressure is read from the barometer and given to you by your instructor. It is 552.5 mmHg. The temperature is recorded as 21.8 degrees C. In the vapor pressure of water table this temperature corresponds to 19.827 mmHg.  Using the above formula, we can find the partial pressure of the collected gas:

	552.5 mmHg = P(collected gas) +  19.827 mmHg

	P(collected gas) = 552.5 – 19.827 mmHg

	P(collected gas) = 532.7 mmHg




Post-Lab Checklist
		

		Make sure you have the following raw data 
		
		Appearance of zinc carbonate and changes 
		Observations of all qualitative tests; identities of 3 products (should 
			be expressed in a table)
		Volume of gas collection bottle and average of three trials 
		Mass of boiling tube empty 
			Mass of boiling tube + zinc carbonate weighed out 
		Mass of zinc carbonate weighed out 
		Volume of water in gas collection bottle after reaction
		Volume of gas product collected 
		Mass of solid product in boiling tube after reaction 
		Mass of solid product (subtract empty boiling tube) 
		Barometric pressure 		
		Temperature of water in trough 
		Volume of air in tube (correction factor) 

		Transform data into a Results Table showing all calculations. You will need
		 to find the following: 
		Pressure of gas product. 
		Corrected volume of gas product. 
		(corrected vol = vol of gas - correction factor).
		Moles of gas product (use PV=nRT and solve for n). 
		Moles of solid product. 
		Find ratio of the moles of solid to moles of gaseous product. 		
		Analyze ratio and determine the correct formula of the reactant (give reasoning by using the law of the conservation of matter). 
		Write the balanced chemical equation (deduce the coefficient of the liquid product). 	 

		Answer the Focus Question


			
Kinetics

Reactions between acids and metals are fundamental to any chemist. For example, metals like zinc, magnesium and iron react with hydrochloric acid to produce hydrogen gas. The rate of a reaction is affected by such variables as concentration, temperature, agitation, catalysis, and surface area. By controlling the rate of reaction or chemical kinetics, chemical manufactures can be more efficient, foods can be preserved longer, and medications can be more effective. The following set of experiments is a crucial first step towards understanding the field that chemists call Chemical Kinetics.


FOCUS QUESTIONS Part 1:

1. How does varying concentration affect the rate of a chemical reaction?

2. What is the rate law for the reaction between magnesium and hydrochloric acid?




First, Last and Always

1. The low concentrations of hydrochloric acid (HCL) do not pose any significant safety risk and can all be disposed of down the drain. But remember, slashes to the eye are possible so remember to wear your goggles.

2. If you spill HCl, dilute it first with water and sprinkle some sodium bicarbonate to neutralize it. 

3. If you need to dilute the HCl, remember AAA (Always Add Acid to water). 

4. No Bunsen burners should be used at your bench during this activity due to the production of hydrogen gas which is potentially explosive (if the wrong amounts and incorrect setups are used.) Bunsen burners will be set up only under the hoods.



The Details:

Conceptually, the term “rate” refers to a ratio that usually involves time. Chemical rates can be expressed in g/sec, mol/sec, and Molarity/sec depending is a solid or solution is used. For a given reaction, the rate typically increases with an increase in the concentrations of the reactants. The relationship between rate and concentration is a fairly simple one in many cases. For example, for the reaction

aA + bB  products

the rate can usually be expressed by the relationship

Rate = k [A]x [B]y

in which x and y are usually small whole numbers. In this expression, called a rate law, [A] and [B] represent the concentration of substances A and B, and k is called the rate constant, that is specific for the reaction. The exponents x and y are called the orders of the reaction with respect to the concentrations of substances A and B respectively. For example, is x=1, the reaction is said to be first order with respect to the concentration of A. If y=2, the reaction would be second order with respect to the concentration of B. The so-called overall order of the reaction is represented by the sum of the individual orders of reaction. For examples just mentioned, the reaction would have an overall order of

1 + 2 = 3 (third order)

The rate law for this reaction would be expected to have the general form

Rate = k [Mg]x [HCl]y				

The word, “Rate” can refer to different things. For example, Rate can refer to the change in grams of magnesium that undergo reaction with respect to time, or it can refer to the change in the concentration of acid with respect to time. One has to be clear about which substance or state of the substance you are considering. Rate can be expressed using certain symbolic language. For example, the delta symbol is used to refer to “change” and the minus sign indicates that the amount of magnesium is getting smaller.

-ΔMg in grams /Δ time  = k [Mg]x [HCl]y   (rate is referring to magnesium)

-Δ[HCl] /Δt  = k [Mg]x [HCl]y	(rate is referring to the acid)

The above rate laws can be expressed in terms of calculus, specifically derivatives represented by the letter “d”

-d Mg in grams /dt  = k [Mg]x [HCl]y

-d[HCl] /dt  = k [Mg]x [HCl]y

We will only be looking at part of the rate equation. Specifically we will be looking at how the concentration of HCl varies with the rate of reaction of magnesium. So in effect we are looking at:

Rate =  - ΔMg in grams /Δ time  = k[HCl]y

Through graphing we will determine y (the order of reaction) and k the rate constant.


Zinc and HCl (Demonstrated by your Instructor)
1. Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

Mossy zinc
Magnesium ribbon
2M HCl

Zinc metal reacts with acid such as hydrochloric acid to produce hydrogen gas by the following reaction:

Zn(s) + 2HCl(aq)  H2(g) + Zn2+(aq) + 2Cl-(aq)

2. Add 25 mL of 2M HCl to an Erlenmeyer flask and observe. 

3. Using a ruler and scissors, measure and cut a 1.5 cm strip of magnesium. Next, get a piece of mossy zinc that is about the same size as your piece of magnesium (you don’t have to weigh it). At the same time, place both the magnesium and the zinc into the Erlenmeyer flask containing the HCl. Using a watch, determine which one reacts the fastest? Explain what you observe. 

Week 1: Varying the Concentration of HCl
4. For purposes of efficiency we will be using magnesium to determine how the concentration of the acid effects how fast the reaction goes, what chemists call the rate of reaction. The reaction we will be studying is similar to the reaction with zinc:

Mg(s) + 2HCl(aq)  H2(g) + Mg2+(aq) + 2Cl-(aq)

5. Obtain a 30-40 cm piece of magnesium ribbon (this does not have to be exact). Because of the low density of magnesium there would be too much error weighing small pieces with the balances we have available in the lab. Therefore, determine the mass of your uncut 30 cm length of magnesium ribbon. Using a centimeter ruler determine its length to the nearest 0.1 cm. From this data, you will set up a proportion between length and mass so you can calculate the mass of smaller pieces that will be used later on in the experiment. Just remember to measure length using your ruler and calculate mass using a proportion. The following proportion will demonstrate this:


	30.2 cm Mg  =  1.5 cm Mg 		X    =  0.0139 = 0.014 g Mg
	0.28 g Mg	X g Mg
				 
			
6. We can find the rate of reaction by two different ways: 1) by how fast the reactant, magnesium, is consumed or 2) by how fast a product, hydrogen, is produced. For this reaction, it is simpler to calculate the rate of reaction from the reactant side than the product side since it eliminates the unnecessary cost of special glassware. We can begin by cutting a 1.5 cm piece from the longer 30-40 cm piece of magnesium ribbon (measure it to the nearest 0.1cm using the ruler). Using the above proportion convert the length of the magnesium to grams. Next, using a 10 or 25 mL graduated cylinder, add 25 mL of 2M HCl to a clean, rinsed out beaker (doesn’t have to be completely dry). Add a single 1.5 cm piece of Mg to the beaker containing the acid, swirl and begin timing in units of seconds upon the addition of the acid. When all of the magnesium has been consumed and is no longer visible stop timing the reaction. We will run this reaction at room temperature. Use a thermometer to record the temperature of the HCl and remember to wipe it clean after using it. Perform a second trial.

 7. To determine how concentration affects the rate of the reaction, you have to dilute the 2M HCl multiple times to produce lower concentrations (remember the dilution formula described in this lab). You will prepare a 1.5M, a 1.0M, a 0.75M, and a 0.5M solution (see how to make a dilution). Like before, you should use 25 mL for every trial so your final volume or Vf should be equal to 25 mL or 0.025 L. It is recommended that a 10mL graduated cylinder or a 50 mL buret be used to make your dilutions since this is the most precise piece of glassware you have available. For each different concentration, perform 2 trials.
	Why are we using 5 different concentrations? Eventually you will plot your data on the computers in the lab. Whenever you are making a plot, you should have at least 5 points so that a pattern can emerge from the data. Less data points and you run the risk of misinterpreting a straight line for a curve or vice a versa. By doing 2 trials for the 5 different concentrations, you should have a total of 10 data points.

8. After you prepare the first solution (the 1.5M HCl) place it into a rinsed out beaker. Add 1.5 cm of magnesium and time the reaction in seconds until no more magnesium can be seen. One important point is to swirl in the same manner that you did in the first trial. Repeat with the other concentrations.

Using In-Lab Computers
9. Once you have completed all of the previous steps and timed each reaction, use EXCEL to plot the concentration of HCl in M on the x-axis and time in seconds on the y-axis. Use the graphing capabilities of the computer as a tool to determine a pattern. What does the plot look like? Do these plots help you determine if you have “good” data? Is your plot linear or non-linear? What can you do to improve the pattern of your data?

10. The first focus question involves rate instead of time. Once you have what you consider to be high quality data, plot the concentration of HCl in M on the x-axis and Rate in grams per second on the y-axis. 

11. Is the above plot linear? How can you make it linear? (Hint: manipulate the x variable). Once it is linear you can find the rate law (Rate = k [HCl]? ) since the rate law is in the form of  y = mx + b.



Looking for Linearity

Why are straight line graphs so important? Straight line graphs represent one of the simplest ways to understand relationships between two variables. For example, a straight line graph indicates to a scientist or mathematician that one variable is proportional to another: as one variable increases so does the other by a certain factor, or as one variable increases the other
decreases by a factor. In many instances, scientists look for the simplest relationship between variables—they "look for linearity"—before testing out more complex relationships. This method is analogous to searching for a misplaced object. Most people would probably begin their search at the most likely places the object could be found and move to the more unlikely. There is no law you have to do it this way, but it could save you time recovering the object. Another example might be relating a story to a friend. Most people tell a story with a beginning, middle and end that is chronological in time. This is not the only way to tell a story, but it is one way that will allow the listener to easily comprehend what you are saying. In terms of graphing, it is easier to graph simple relationships than more complicated ones. 

When we plot the x and y variable and a non-linear plot is formed, many times scientists will mathematically alter one of the variables (i.e. change y to 1/y) and see if that produces a linear plot. After some trial and error, often a linear relationship will be produced. 


Making a Dilution

To dilute something is to weaken a more concentrated solution. We do this all the time when we want to “water down” orange juice or “thin out” some paint. We can dilute something quantitatively by using the Dilution Formula:

 MiVi = MfVf  where:

M stands for concentration in moles/Liter
V stands for volume in Liters
i stands for initial
f stands for final

C1V1=C2V2 is also used in place of the above equation. C stands for concentration.
To understand the dilution formula is to know that the number of particles (moles) of the solute (that which is in the least amount) is not changed when solvent (that which is in the majority) is added. The solute and solvent are two different substances. The solvent is usually water but can easily be an organic liquid such as alcohol. Just remember that the moles of the solute before dilution are equal to the moles of the solute after dilution. 


Here is a typical problem: Prepare a 0.5 M acetic acid solution from a 1.0 M acetic acid solution.

Looking at this problem and the dilution formula, you might realize that there are only two variables in the problem, but you have four variables in the formula. To use the formula correctly you need to know three variables and solve for the fourth (the unknown). Since the problem gives you Mi and Mf, you have to figure out if you should solve for Vi or Vf. 

Because you are making something new, you want to know how much of the new solution you should make. Therefore you need to solve for Vi and supply a value for Vf. You have to decide how much (Vf) of the 0.5M solution you want to make up. Some problems give you Vf, others do not. Lets decide to make Vf equal to 100mL (remember to convert to L). Now let us substitute what we are given and what we supplied into the dilution formula.

Step 1: 	MiVi    =     MfVf 

Step 2:	(1.0M)(Vi) = (0.5M)(0.1L)

Step 3:	Vi = (0.5M)(0.1L)
			(1.0M)

Step 4:	Vi = 0.05L

We found the value for Vi to be 0.05L. Now we have to interpret this value. Solving for Vi means that we take 0.05L or 50mL of the 1.0M solution and place this into a 0.1L or 100mL flask (Vf). We then add water to the 100mL mark, stopper, and mix. Now you have a 0.5M solution of acetic acid. To use the dilution formula correctly you have to know what it means as well as be able to supply information that can be used in the formula. I do not recommend a plug and chug method to solve this type of problem. You have to think it through.

A Post-Lab Checklist: Part 1

		Make sure you have the following data:
		Descriptions of substances
		Description of zinc and mg reaction with HCl
		Dilution data 
		Length & Mass of Mg
		Concentration and Time data 
		Temperature 		 
		
		Transform data into a Results Table showing all calculations.
		You will need to find the following: 

		Plot of Concentration of HCl in M (x-axis) vs time in sec. 
		(y-axis). 
			Calculate the rate of reaction of Mg (grams of Mg divided
			 by time in seconds) at each concentration. 
		Plot of Concentration of HCl in M (x-axis) vs rate of 
		reaction of Mg in g/sec (y-axis). 
		Linear plot that involves concentration vs rate 

		Answer the Focus Questions 

FOCUS QUESTION Part 2:

What is the rate equation of the Landolt clock reaction? 



First, Last and Always

1. In an attempt to save time, all of the solutions will be prepared for you. These solutions do not pose any significant safety risk and can all be disposed of down the drain.

The Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

0.02M IO3-
0.001M  HSO3-

1. After doing part 1, we want to further build our knowledge of kinetics, specifically about the rate law in the context of a new reaction. First let’s review what was mentioned in Part I.

For a given reaction, the rate typically increases with an increase in the concentrations of the reactants. The relationship between rate and concentration is a fairly simple one in many reactions. For example, for the reaction
aA + bB  products

the rate can usually be expressed by the relationship,

Rate = k [A]x [B]y

Today, you will study a reaction called the “iodine clock”. In this reaction, potassium iodate (KIO3) and sodium hydrogen sulfite (NaHSO3) react with each other, producing elemental iodine (I2). The following equation shows how these two reactants are transformed to produce three products, the most important one being iodide. 

	IO3–(aq) + 3HSO3– (aq)   I– (aq) + 3SO42 (aq) + 3H+ (aq)	(eq. 1)

When the hydrogen sulfite is all used upit is the limiting reactant in this experimentthe excess iodate then reacts with the iodide ion to produce iodine:

	IO3 (aq) + 5I (aq) + 6H+(aq)  3I2 (s) + 3H2O(l)  		(eq. 2)

A solid iodine product is never seen because the iodine molecules immediately react with starch to form a blue iodinestarch complex. 

	I2 (s) + Starch(aq)  I2 -Starch(aq)				(eq. 3)

Because elemental iodine is colored (whereas all the others reactants and products are colorless), the rate of the reaction can be monitored simply by determining the time required for the appearance of the color of iodine. To make the color change more apparent, a small amount of starch is added to heighten the color of iodine. Starch forms an intensely colored black/blue complex with iodine. While it would be difficult to detect the first appearance of iodine itself (since the solution would be colored only a very pale yellow), if the starch is present, the first few molecules of iodine produced will react with the starch present to give a much sharper color change.

The rate law for the reaction between hydrogen sulfite ion and iodate ion would be expected to have the general form

Rate = k [HSO3-]x [IO3-]y				

in which x is the order of the reaction with respect to the concentration of hydrogen sulfite ion and y is the order of the reaction with respect to the concentration of the iodate ion. Take notice that even though the stoichiometric coefficients of the balanced chemical reaction are known, these are not the exponents of the rate law. The respective orders must be experimentally determined. 

While chemists might just be interested in an overall net equation, there are often multiple reactions or steps taking place. These steps are referred to as a mechanism and usually involve only one or two molecules at a time. For example, it is statistically almost impossible for five hydrogen sulfate ions and two iodate ions to all come together in the same place and time to react. It is much more likely that one or two of these molecules initially interact with each other, forming some sort of intermediate product. This intermediate then reacts with the rest of the ions at a later time. 

So what is the relationship between a mechanism and a rate law? The rate law for a reaction reflects what happens to the slowest, or rate-determining step of the reaction mechanism. By performing experiments, information can be obtained about exactly what molecules react during the slowest step in the reaction, and can suggest what happens in the other steps of the mechanism. 

In this experiment, we will determine the entire rate equation. But before doing we must define out “Rate.” We will look at how the concentration of iodate changes with respect to time.

Rate =  - Δ [IO3-] /Δt  =  k [HSO3-]x [IO3-]y				

Getting the Reactants
2. Some important tips regarding technique:
· Be certain that graduated cylinders used in obtaining and transferring solutions are kept separate and that stirring rods are rinsed and dried clean in between each use.
· Cleanliness is extremely important during this experiment. Be sure that any rinsing is done with distilled or deionized water. Do not use regular tap water because transition metals present may affect the speed of the reaction.
	
3. Get 3 burets, 2 buret clamps, and 2 stands. Clean the burets.

4. Fill a clean buret with deionized water and attach a paper label reading “H2O.” 

5. Now transfer some “prepared” iodate ion stock solution to a medium sized beaker and fill up another clean buret with this solution. Label the buret “IO3-.” Make sure you know the concentration of the diluted iodate solution (it should be present on the stock container and should be close to 0.02 M. Record this in your notebook.)

6. Transfer some hydrogen sulfite (HSO3-) stock solution containing starch to a medium sized beaker and fill up the third buret with this solution. You have to check with the lab personnel or your instructor to find out if the hydrogen sulfite solution has been prepared with sulfuric acid. Label the buret “HSO3-.” Record the concentration of the hydrogen sulfite solution off the stock container. It should be close to 0.001 M.   
   
Running the Clock Reaction
7. Get 10 large test tubes (not boiling tubes) and clean them if they are dirty. They do not have to be perfectly dry. You should label these test tubes with a grease pencil, magic marker, or with paper labels, from #1 to #10. 

8. Fill these test tubes using a buret in the amounts as described in Table 1. For example, into the second test tube (labeled “2”), I would measure out 8 mL of IO3- from my buret and then add 2 mL of water from the buret (no HSO3- is added at this point since it has an “X” mark; IO3- will eventually be mixed with HSO3-  later on). 

9. Now that all your test tubes are prepared, can you discern from the table the purpose of your preparation? 
	(What in fact you have done is to dilute IO3- in the first five test tubes and hold the volume of HSO3- constant at 10 mL. So when you mix these solutions, you will be examining how the change in concentration of iodate (IO3-) ion varies with the time it takes for hydrogen sulfite (HSO3-) to be used up. If you varied hydrogen sulfite, you will not be observing the affect of one variable on another, but two variables on each other. This is a needless complication. So remember the rule of thumb: Change one variable at a time keeping all others constant.)

Table 1
	
	Test Tube Label
	IO3-  
(mL)
	Water 
(mL)
	HSO3- 
(mL)

	1
	10
	0
	X

	2
	8
	2
	X

	3
	6
	4
	X

	4
	4
	6
	X

	5
	2
	8
	X

	6
	X
	X
	10

	7
	X
	X
	10

	8
	X
	X
	10

	9
	X
	X
	10

	10
	X
	X
	10


	

10. You will mix the contents of the test tubes according to a set plan as outlined in Table 2. In regard to your mixing technique, you should hold one test tube in each hand and pour IO3- into the test tube containing HSO3-, then pour HSO3- into IO3-, and then IO3- into HSO3-. Simply put, mix 3 times test tube to test tube. Do this quickly but carefully. After you mixed the test tubes 3 times, rest them in a test tube rack. You will begin timing at the very first mixing and stop timing when the entire test tube turns a blue color. Record the time in seconds.






Table 2

	Experiment
	Mixing
	1st trial
Time in sec
	2nd trial
Time in sec
	3rd trial
Time in sec
	Avg.
Time in sec

	
	
	
	
	
	

	1
	#1 and #6
	
	
	
	

	2
	#2 and #7
	
	
	
	

	3
	#3 and #8
	
	
	
	

	4
	#4 and #9
	
	
	
	

	5
	#5 and #10
	
	
	
	




11. To answer the focus question you have to be able to calculate the concentrations of IO3- into HSO3-, find the orders of reaction, and the change of iodate with respect to time. Let’s find them one at a time.

Calculating the initial moles of HSO3-
12. Finding the moles of HSO3- is straight forward. The initial concentration of HSO3-should be written on the stock container. Table 3 will help you out.

Table 3

	
Test tube numbers being mixed
	
Volume of HSO3-  used


	
Moles of HSO3-

Need molarity 
taken from stock; should be close to 
0.001 M

	
	
	

	1 & 6
	10 mL 

	10 mL of 0.001 M =0.00001 mol


	2 & 7
	10 mL
	

	3 & 8
	10 mL
	

	4 & 9
	10 mL
	

	5 & 10
	10 mL
	



Calculating the Rate of IO3-
13. Finding the Rate of IO3- is also fairly straight forward. Because HSO3- is limiting, the moles of IO3- can be found if we consider the coefficients between these 2 reactants in equation 1. Table 4 will help you out. Keep in mind we are calculating the initial rate since it is depended upon initial concentrations. We are making a big assumption that the initial rate is the same as the rate at other points during the reaction.






Table 4

	Test tube numbers being mixed
	Moles of 
HSO3-

(see table 3)
	Moles of IO3- that react considering
Eq. 1
	Conc. of
IO3- (total volume is 20 mL)
	Rate of IO3-
(conc/avg. time)

	1 & 6
	0.00001
	
	
	

	2 & 7
	0.00001
	
	
	

	3 & 8
	0.00001
	
	
	

	4 & 9
	0.00001
	
	
	

	5 & 10
	0.00001
	
	
	




Calculating the Concentration of IO3-
14. To do this you need the initial concentration of IO3- and the dilution formula. See table 5 below.

Table 5

	
Test tube numbers being mixed
	Initial Conc. of IO3- in M.
Should be close to 0.02 as read from container
(label as C1)
	Volume of iodate (V1) in a total volume of 20 mL (V2)
	Concentration of Iodate 
in M
(use C1V1= C2V2) 


	1 & 6
	0.02
	10 mL of iodate; 
total volume = 20mL
	(0.02M)(10ml)=C2(20ml)
C2=0.01M

	2 & 7
	
	8 mL of iodate;
total volume = 20 mL
	

	3 & 8
	
	6 mL of iodate;
total volume = 20 mL
	

	4 & 9
	
	4 mL of iodate;
total volume = 20 mL
	

	5 & 10
	
	2 mL of iodate; 
total volume = 20 mL
	



Finding the Order of Reaction for HSO3- : “the superscript x”
15. The order of reaction for HSO3- will be given to you. Experimentally is was found to be first order (the superscript x=1). This means that if the concentration of HSO3- was halved then the rate would be half as fast. 

Finding the Order of Reaction for IO3-: “the superscript y”
16. The orders of reaction for IO3- and HSO3- (the superscript y in the Rate Equation) can be found by making graphs like the ones made in Part I. Plot concentration of IO3- on the x-axis versus Rate of IO3- on the y-axis. Tabulate variables. Plot. Linearize. 

Finding the Rate Constant “k”
17. The value for k can be found by determining the slope from the plot that was made in step 16.

Finding the Rate Equation: Bringing it All Together
18. You have found all the variables! Substitute k, x, and y into your Rate Equation:

	Rate =  - Δ [IO3-] /Δt = k [HSO3-]x [IO3-]y				


A Post-Lab Checklist: Part 2

		Make sure you have the following raw data:		 
		Descriptions of substances used 
		Description of reaction 
		Table 2: Time per experiment; average of three trials	
                     
		
		Transform data into a Results Table showing all calculations. You will need
               to find the following: 		
		Table 3: Calculate the moles of HSO3- 
		Table 4: Calculate the Rate of IO3- 
		Table 5: Calculate the concentration of IO3- 
		Write down the order of reaction for HSO3- 
		Find the order of reaction for IO3- 
		Find the rate constant 		
		
	Answer the Focus Question. 




Introducing Equilibrium Stoichiometry

One important type of reaction that chemists study is a precipitation reaction. It refers to when two aqueous reactants undergo chemical change and a solid product (a precipitate) is formed. We will qualitatively investigate two different precipitation reactions which produce different colored precipitates and then study the left over solutionswhat chemists call the "filtrate"for excess reactants. Beforehand, we will use our knowledge of stoichiometry and predict which reactant is limiting and which is in excess and see if our predictions support our observations. Good luck and remember: If you are not part of the solution, you are part of the precipitate (that was a chemical joke, hope you enjoyed it and don't hesitate to pass it on).



FOCUS QUESTION:

What reactants remain after precipitation has occurred?
Explain their presence.


First, Last and Always

1. All solutions in this activity can be disposed down the drain. 

2. The small pieces of filter paper containing lead iodide or lead carbonate respectively should be disposed in containers under the hood.
	

Warm-Up:

In order to understand this laboratory activity, you should read and answer all the questions in the Warm-up box. Not doing so will create a lot of confusion since this material has not been introduced in lecture to any great extent. 

The following equations describe two precipitation reactions that we will study in the laboratory.

Pb(NO3)2(aq) + Na2CO3(aq)  PbCO3(s)  + 2NaNO3(aq)	(I)

and

Pb(NO3)2(aq) + 2KI(aq)  PbI2(s)  + 2KNO3(aq)	(II)

To understand the chemistry in greater detail, one typically writes the net ionic equation for the chemical reaction. The net ionic equation includes only those species that react. The net ionic equation for reaction I is:


Pb2+(aq)  +  CO32-(aq)   PbCO3(s)	(III)

The net ionic equation can be constructed from the complete chemical equation by realizing that ionic compounds, when dissolved in water, break up into their individual ions. How can you tell whether the compound exists in solution as ions?

We can construct some simple guidelines to decide if a compound exists as ions or not by paying attention to three important aspects: 

1. You must be able to recognize an ionic compound. This is a good time to review the polyatomic ions. Correct identification of an ionic compound and the corresponding cations and anions that are the constituents of the compound require correct recognition of the constituents. For example, when you see Pb(NO3)2 you need to be able to recognize immediately that the anion is the nitrate polyatomic ion. The only way to get proficient at this is memorization, practice and experience. 

2. You must be able to associate the correct positive and negative charge with the individual ions. For polyatomic ions, you simply have to know them and their charge. Their charge is as important as their name and chemical formula. By recognizing at least one of the component ions, you can determine the charge of the other. For example, the nitrate anion (NO3- ) is such an important anion that we recognize it immediately. Since its charge is -1 and there are two in the formula for lead nitrate, we realize that the lead cation must have a +2 charge. 

3. The physical state of the compound is indicated by the parenthesis following the chemical formula. When the physical state is aqueous (indicated by an “(aq)”) then the ionic compound is assumed to be dissolved in water. It is important to realize that the “aq” notation is understood to mean that the ionic compound is dissolved in water and therefore does not exist as the undissociated compound. Thus, the notation Pb(NO3)2 (aq) means that the lead nitrate ionic compound is dissolved in water and therefore exists as lead cations and nitrate anions. On other hand, the notation PbI2(s) means that the ionic compound is not dissociated in water and therefore exists as the undissociated solid compound.

Writing Net Ionic Equations
Once we realize how a species exists in solution, we can then write different forms of the chemical equation. For example, we can write reaction I three different ways:

The complete chemical equation:
Pb(NO3)2(aq) + Na2CO3(aq)  PbCO3(s)  + 2NaNO3(aq)	

The complete ionic equation:
Pb2+(aq) + 2NO3- (aq) + 2Na+(aq) + CO32-(aq)  PbCO3(s) + 2Na+(aq) +2NO3(aq)

The net ionic equation:
Pb2+(aq) + CO32-(aq)  PbCO3(s)

Warm-Up Exercise 1
Think about the three chemical equations above. Chemical equations are symbolic representations of chemical reactions you observe in the laboratory. What information is the same and what information is different in the three equations? In other words, what information might you be trying to convey when you use a particular chemical representation and what information are you leaving out? Now you try writing the complete chemical equation, the complete ionic equation and the net ionic equation for Reaction II.

Warm-Up Exercise 2

This exercise will help you review molarity which allows the quantification of chemical reactions in solution, specifically the two precipitation reactions under study.

Reaction I
In this lab you will mix 25 mL of 0.05 M lead nitrate with 1.4 mL of 0.025 M sodium carbonate. The precipitation reactions occur quickly. After the reaction occurs you will filter the solution to remove the precipitate. You will then test the remaining solution for excess lead ion and for excess carbonate ion. Imagine that you mix the two volumes and then freeze frame the reaction so the reaction does not proceed.

1. Identify all the ionic species present in the solution before the reaction takes place.
2. Compute the molarity and the number of moles of each ionic species present before the reaction takes place.

Now let the reaction go to completion and
3. Identify all the ionic species present in the solution.
4. Compute the molarity and the number of moles of each ionic species present.
5. Clearly predict the results of the experiment by determining which reactant is limiting and which is in excess.

Reaction II
Repeat the above analysis for reaction II where 25 mL of a 0.05 M lead nitrate solution is mixed with 1.4 mL of 0.25 M potassium iodide solution. Clearly predict the results of the experiment by following steps 1 to 5. 

The Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

0.05 M lead nitrate
0.025 M sodium carbonate
0.1 M nickel nitrate hexahydrate
0.1 M potassium phosphate dibasic
0.25 M potassium iodide
0.1 M silver nitrate 

Reaction I
1. You will be working in groups of two. Measure out 25 mL of 0.05 M lead nitrate with a clean 50 mL graduated cylinder and add it to a clean Erlenmeyer flask. (glassware can be cleaned by multiple rinses with tap water followed by 2 rinses with deionized water; if really dirty, soap and water should be used prior to this).

2. To this flask add 1.4 mL of 0.025 M sodium carbonate using a clean 10 mL graduated cylinder and mix for 15 seconds or so.

3. Rinse a vacuum filtration flask with deionized water and set up a vacuum filtration apparatus as shown in figure 1 below; your instructor will demonstrate how to use this piece of apparatus. The apparatus is intended to aid in the filtering process by drawing the solution through the filter paper by suction. 
[image: ]
			
		Figure 1: A vacuum filtration apparatus using a Hirsh funnel


4. Wet the filter paper slightly with deionized water so it sticks to the Hirsh funnel and then discard any water that passes through the funnel. Pour your solution contained in your Erlenmeyer flask into your Hirsh funnel. You have just filtered your precipitate (ppt.). You may remove all of the ppt. from your Erlenmeyer flask with the aid of a wash bottle filled with deionized water. If any ppt. gets through the filter paper and enters the filtration flask, you must filter again.

5. One note about precipitates: some are very coarse and settle to the bottom of your flask, while some are very fine and can become suspended in your solution. If you can’t see through the solution (it’s cloudy) then you have a suspended precipitate. If you have a clear solution but see minute particles that scatter light, this is probably dust and is not a precipitate. All precipitates in this lab are clearly distinguishable so don’t waste time looking into a beaker to find a speck or two that looks like a solid. 

6. Decant the filtrate (the solution in the filtration flask) evenly between two, clean 50 mL beakers. To one of the beakers, test for excess lead ion by adding 1 mL of 0.1M potassium phosphate (20-30 drops). The formation of a white ppt. of lead phosphate indicates a positive test. 

7. To the other beaker test for excess carbonate ion by adding 1 mL of 0.1M nickel (II) nitrate (20-30 drops). The formation of a pale green ppt. of nickel (II) carbonate indicates a positive test. You will know this green precipitate forms since it is very different in appearance from the clear green nickel nitrate solution.

8. Do the conclusions of the above two tests agree with your calculated predictions you made in the Warm-Up activity?

Reaction II
9. Measure out 25 mL of 0.05 M lead nitrate with a clean 50 mL graduated cylinder and add it to a clean Erlenmeyer flask.

10. To this flask add 1.4 mL of 0.25 M potassium iodide using a clean 10 mL graduated cylinder and mix for about 15 seconds or so.

11. Using a vacuum filtration flask, wet the filter paper with deionized water and filter the ppt. Once again, if any ppt. gets through the filter paper and enters the filtration flask, you must filter again.

12. Decant the filtrate (the solution in the filtration flask) evenly between two, clean 50 mL beakers.

13. To one of the beakers test for excess lead ion by adding 1 mL of 0.1 M potassium phosphate (20-30 drops). The formation of a white ppt. of lead phosphate indicates a positive test.

14. To the other beaker test for excess iodide ion by adding 1 mL of 0.1 M silver nitrate (20-30 drops). The formation of a pale yellow ppt of silver iodide indicates a positive test.

15. Do the conclusions of the above two tests agree with your calculated predictions you made in the Warm-Up activity? Perhaps the following procedure would provide some new data that could help you formulate a new theory about how some reactions behave.

16. Using a spatula remove the filter paper containing the yellow lead iodide solid and place it into a clean large beaker. Add 50 mL of water and mix well. You can use a stirring rod and don’t worry about breaking up the paper. Filter this mixture through a cleaned Hirsh funnel (remember to use a new piece of filter paper and rinse out the filter flask with deionized water). You should leave the old filter paper behind in the large beaker when you are filtering.

17. Decant the filtrate evenly between two, clean 50 mL beakers.

18. To one of the beakers test for excess lead ion by adding 1 mL of 0.1 M potassium phosphate. The formation of a white ppt. of lead phosphate indicates a positive test.

19. To the other beaker test for iodide ion by adding 1 mL of 0.1 M silver nitrate. The formation of a pale yellow ppt. of silver iodide indicates a positive test.

20. What conclusions can you make based on the outcome of these tests? A standard of lead iodide will be available to you if you wish to use it.

A Post-Lab Checklist

		Warm-up has been completed 

		Make sure the following is in your notebook:
		
		Observations of all reagents, reactions, and tests. 
		Results in table form. 
		Answers to questions in procedure (see Steps #8, #15, #20); 																																	#7, 

		Answer the Focus Question. 

Acid-Base Chemistry

From the digestive acids in our stomachs to citric acid in oranges, from the bases in our ammonia cleaning products to sodium hydroxide that unclogs our drains, Acid-Base chemistry is one subject we can all relate to. One of the most common acids, Acetic acid, is used in this lab; it is the main ingredient in vinegar and was utilized to prevent unwanted side reactions when we synthesized zinc iodide. Acid-base chemistry involves pH so this will be the place where we will start. We will find the pH of individual acidic and basic solutions, and then determine pH when both species react with each other. We will also plot some graphs that will help us to visually understand which chemical species dominate when acids react with bases. One of our main goals throughout the next few weeks is to relate our mathematically derived predictions with our experimental evidence.


FOCUS QUESTION Part 1:

Does the pH of a solution depend upon the type of chemical species present?
Explain your answer.



First, Last and Always

1. The acids and bases in this activity do not pose any significant health risks. If contact is inadvertently made, rinse skin with water; clean up spills with a paper towel or sponge. All solutions in this activity can be disposed down the drain. 


Pre-Lab: Calculate the pH of the 15 solutions in the below table (Table 1). Use the following Ka and Kb values when performing your calculations:

	Name of Substance
	K value

	Acetic Acid
	Ka= 1.8x10-5

	Ammonia (NH3)
	Kb= 1.8x10-5

	Phosphoric Acid
H3PO4   
H2PO4-                    
HPO42
	
Ka1=7.5x10-3
Ka2= 6.2x10-8
Ka3=4.8x10-13

	Citric Acid
H3C6H5O7              H2C6H5O7 -  
HC6H5O7 2-            
	
Ka1=8.4x10-4
Ka2=1.8x10-5
Ka3=4.0x10-6

	Sulfuric Acid
H2SO4
HSO4-
	
Ka1=Large
Ka2=1.2x10-2



Details:

Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

0.1M HCl
0.1M H2SO4
0.1M H3PO4
0.1M CH3COOH (acetic acid)
0.1M CH3COOH / 0.2M KCH3COO (acetic acid / potassium acetate buffer)
0.1M NaOH 
Bromothymol Blue indicator
Universal Indicator solution
All substances in Table 1, Part 1

[bookmark: _GoBack]In part 1 of this laboratory activity, we will investigate if different chemical species produce different pHs. We will also consider the mixing and reaction of different chemical species and their effect on pH. Some of the solutions need to be made up. Making up these solutions is a fundamental skill that you will need if you ever work in a science lab (working in a lab is must for medical school applicants). 

Individual Chemical Species as a Variable
1. The class will be divided into groups by your instructor. Each group will prepare all the solutions listed in Table 1 Part 1 from the stock compounds and solutions provided.  Determine the pH of the solution using the pH meters or pH paper provided in the laboratory. 

Table 1 of Part 1

	
#
	
Name
	
Formula
	Type 
(acidic, basic or neutral)
	pH found in lab

	1
	0.10M acetic acid
	HC2H3O2
	
	

	2
	1.0 M acetic acid
	HC2H3O2
	
	

	3
	0.5M hydrochloric acid
	HCl
	
	

	4
	0.1M nitric acid
	HNO3
	
	

	5
	1.0M sodium acetate
	NaC2H3O2
	
	

	6
	0.1M potassium dihydrogen phosphate
	KH2PO4
	
	

	7
	0.05M potassium hydrogen phosphate
	K2HPO4
	
	

	8
	0.2M ammonium chloride
	NH4Cl
	
	

	9
	0.1M sodium hydroxide
	NaOH
	
	

	10
	0.01M sodium hydroxide
	NaOH
	
	

	11
	0.1M Ammonia (label might read ammonium hydroxide)
	NH3
	
	

	12
	Vinegar (5% or 0.83M)
	HC2H3O2
	
	

	13
	0.5M sodium citrate
	Na3C6H5O7
	
	

	14
	0.25M sodium sulfate
	Na2SO4
	
	

	15
	0.25M potassium sulfate
	K2SO4
	
	




2. You need to prepare the above solutions from the stock compounds available and from the glassware available. How much you make is dependent upon how much you need and the glassware available. Use graduated cylinders and make the concentrations of the solutions as accurate as possible. Here are three different scenarios:

a) In some cases the solution is already made up, so all you have to do is take about 10-15 mLs from the stock bottle and lower the pH probe into the solution. You just need to cover the first inch or so of the probe.

b) In some cases the solution only needs to be diluted. Use the dilution formula that you learned: MiVi = MfVf where “i” stands for initial and “f” stands for final. In order not to be wasteful, Vf should be small, no more than 25-50 mLs.

c) In some cases you will start with a solid and then make up a solution. The following steps will help you accomplish this:


i. Choose the bottle containing the solid and write down the exact formula as well as the formula weight that is written on the bottle’s label (some might be hydrates and will differ in this way from the formulas I give you in table 1).

ii. Think about what this formula weight means. To make 1M of sodium acetate from anhydrous sodium acetate (solid), I will weigh out the formula weight (82.03 g/mol), place it in a bottle add some water, mix to dissolve, and fill it to a 1 liter mark. 

So 82.03 g of NaC2H3O2 will give 1 M  (but according to table 1, I need 0.1 M. Therefore I need to make some adjustments)

So let’s move the decimal over and change 82.03 to 8.203. This smaller amount will give a 0.1 M (This is good since it is the desired concentration. But I don’t need 1 liter of this; I need a smaller amount. Let’s say, 50 mLs or 0.050 L. To determine how much of the sodium acetate to weight out using a smaller volume but maintaining the 0.1M concentration, I can set up a simple proportion:

8.203g  =  X g
1 L	   0.050 L

X = 0.41 g

Now this is not a bad amount to weigh out. It is not too small nor is it wasteful. So I weigh out 0.41 grams of anhydrous sodium acetate and place it into a beaker and add 50 mLs of deionized water using a graduated cylinder. This will maintain the 0.1M concentration that I desire in a scaled down form. 

(please note: The markings on our beakers are too coarsely graduated, therefore we cannot “fill to a mark” which is the preferred method when making up solutions. Instead of beakers, volumetric flasks would be more accurate and therefore preferable, but unfortunately their cost prohibits their use in most introductory lab courses. So the bottom line is: If you work in a lab that has a nice assortment of volumetric flasks use them and fill to the mark).


3. After you have prepared all the solutions and recorded their pH values, answer the focus question. Does chemical species affect pH?



A Post-Lab Checklist – Part 1

	  Make sure the following is in your notebook:
		
		Observations of solutions 
		Molarity Calculations used to make up solutions 
		Experimental pH of solutions 
		Calculated pH of solutions (Pre-lab assignment; show all work)
	    
			
		Answer the Focus Question (5 pts.)




FOCUS QUESTION Part 2:

Do your expected, theoretical calculations match your experimental values?



First, Last and Always

1. The acids and bases in this activity do not pose any significant health risks. If contact is inadvertently made, rinse skin with water; clean up spills with a paper towel or sponge. All solutions in this activity can be disposed down the drain. 


Details:

The Mixing and Reaction of Different Chemical Species as a Variable
4. In the same groups you will determine if adding sodium hydroxide (a strong base) to a fixed amount of acid will affect pH. To transfer the acid to your flask you will use an automated pipet that will deliver 10 mL. Your instructor will show you how to use this instrument and personally make sure your technique is correct. Please note that procedures #a-e call for an automated pipet. If an automated pipet is not available, a regular pipet can be used. If the regular pipet and the bulb are too difficult to use, consider using the easier but less precise 10mL graduated cylinder or 50mL buret. If an automated pipet is not used make sure you clean the cylinder or buret 3 times with deionized water after each trial and after each different experiment. You will perform the five following reactions and then determine the resulting pH using your pH meter. Before actually doing these experiments, qualitatively predict the outcome from the following choices:

	I. All of the experiments will have the same pH
	II. All of the experiments will have a different pH
	III. Some of the experiments will have about the same pH

a) Using an automated pipet located under the hood, transfer 10mL of 0.1M HCl (hydrochloric acid) to an Erlenmeyer flask and add 2 drops of universal indicator. Now slowly add 10 mL of 0.1M NaOH from a buret. Correspond the final color of the solution to a pH value using the Universal Indicator Solution chart at the end of this procedure. 

b) Using an automated pipet located under the hood, transfer 10 mL of 0.1M H2SO4 (sulfuric acid) to an Erlenmeyer flask and add 2 drops of universal indicator. Now slowly add 10 mL of 0.1M NaOH from a buret. Correspond the final color of the solution to a pH value using the Universal Indicator Solution chart.

c) Using an automated pipet located under the hood, transfer 10 mL of 0.1M H3PO4 (phosphoric acid) to an Erlenmeyer flask and 2 drops of universal indicator. Now slowly add 10 mL of 0.1M NaOH from a buret. Correspond the final color of the solution to a pH value using the Universal Indicator Solution chart.

d) Using an automated pipet located under the hood, transfer 10 mL of 0.1M CH3COOH (acetic acid) to an Erlenmeyer flask and add 2 drops of universal indicator. Now slowly add 10 mL of 0.1M NaOH from a buret. Correspond the final color of the solution to a pH value using the Universal Indicator Solution chart.

e) Using an automated pipet located under the hood, transfer 10 mL of 0.1M CH3COOH / 0.2M KCH3COO (acetic acid / potassium acetate buffer) to an Erlenmeyer flask and add 2 drops of universal indicator. Now slowly add 10 mL of 0.1M NaOH from a buret. Correspond the final color of the solution to a pH value using the Universal Indicator Solution chart.

Universal Indicator Solution color chart

	pH
	Color

	3 or less
	Red

	4-5
	Orange to red

	6
	Yellow

	7
	Green

	8
	Blue green

	9
	Blue

	10 or more
	Purple



A Post-Lab Checklist – Part 2

	 Make sure the following is in your notebook:		
		Observations of Hydroxide and Acid solutions 		
		Experimental pH of Hydroxide and Acid solutions 
		Calculated pH of Hydroxide and Acid solutions 
		Comparison between experimental and calculated (please note that the Universal Indicator solution provides rough pH values. As you examine your values, determine if they are roughly comparable.)
			
		Answer the Focus Question 





FOCUS QUESTION Part 3:

Why are making pH plots that represent the reactions of acids and bases useful? 
What do they tell us?



First, Last and Always

1. The acids and bases in this activity do not pose any significant health risks. If contact is inadvertently made, rinse skin with water; clean up spills with a paper towel or sponge. All solutions in this activity can be disposed down the drain. 


Details:

Case 1: Titrating a Strong Acid with a Strong Base
Attention: If electronic pH meters are not available, then use pH paper. 

1. To better understand the reaction of one substance with another we can add small amounts of the basic solution contained in a buret to the acidic solution in the flask, take the pH, and then graph the results.

2. Clean out with deionized water your Erlenmeyer flask. Using the automated pipet, pipet 10mL of 0.1M HCl to an Erlenmeyer flask and add 2-3 drops of the indicator Bromothymol Blue. Next fill the buret with 0.1 M NaOH. Determine the experimental pH every 2 mL up to and including 20 mLs. This can be done by placing the pH probe directly into the solution and keeping it there as base is added. In this way you don’t have to rinse off the pH probe every time between readings. Tabulate your data (pH and volume of base). Plot pH on the y-axis and volume of base in mL added on the x-axis. 
	(Why are we using bromothymol blue? This indicator changes from yellow-green to blue around the pH of 7. It will alert us when we are entering the basic range. It is only used here in a qualitative manner. Our pH meters are the preferred instrument to make quantitative determinations).


3. After you have made a plot, make another but this time plot Conc. of Acid on the y-axis and volume of base added on the x-axis. In order to do this correctly you have to take the inverse log since pH = -log[H+]. Below is a check that I do to make sure I am pressing the right buttons on my calculator.

	Input: 7
	Input: -7
	Press: INV for inverse
	Press: Log
	
	You should get: 1x10-7

Why are we making this additional plot? To show that converting to pH actually is very useful. Compare graphs and you will understand what I mean.

Case 2 Titrating a Weak Acid with a Strong Base
4. Clean out with deionized water your Erlenmeyer flask. Using your automated pipet, pipet 10 mL of 0.1 M acetic acid into the flask and add 2-3 drops of the indicator Bromothymol Blue. Next refill the buret with 0.1 M NaOH. Determine the experimental pH every 1 mL up to and including 15 mLs. This can be done by placing the pH probe directly into the solution and keeping it there as base is added. In this way you don’t have to rinse off the pH probe every time between readings. Tabulate your data and plot pH on the y-axis and volume of base on the x-axis. 

Case 3 Titrating an Acidic Buffer with a Strong Base
5. Clean out with deionized water your Erlenmeyer flask. Using your automated pipet, pipet 10 mL of a 0.1 M acetic acid / 0.2 M potassium acetate buffer into the flask and add 2-3 drops of the indicator Bromothymol Blue. Next refill the buret with 0.1 M NaOH. Determine the experimental pH every 2 mL up to and including 20 mLs. This can be done by placing the pH probe directly into the solution and keeping it there as base is added. In this way you don’t have to rinse off the pH probe every time between readings. Tabulate your data and plot pH on the y-axis and volume of base on the x-axis. 

9. After you have finished cases 1, 2 and 3, you might have extra time. Use this time to make plots with Excel so that you can gauge the quality of your data (bring a memory stick). If a data point does not fit a pattern or trend, then you have time in lab to collect more data. Extra data will of course impact your confidence and uncertainty reports. In total you need to make 4 plots so there is a bit of work you can do while in lab.

Determining the theoretical or calculated pH
By the end of this lab you should have been presented in your chemistry lecture course with methods to determine the pH of strong and weak acids and bases. These problems involve equilibrium tables or equilibrium stoichiometry. Use the methods you learned in lecture to calculate the pH of the solutions in:

· Part 1 Table 1
· Part 2

Show all your calculations on the left side of your notebook. You should use the Ka’s and Kb’s in the table in part 1 so that we all get the same answers. Calculating your pH values can help you determine if you have “good” data. 





A Post-Lab Checklist – Part 3

	 Make sure the following is in your notebook:	

			Observations of color change with Bromothymol blue for Cases 1, 2
			 and 3 
		Tabulated data: pH of solutions in flask found experimentally at different volumes of added sodium hydroxide 
			Case 1 
			Case 2 
			Case 3 

	  Graphs 

		Case 1 
			 
			1a. Experimental pH (y-axis) vs Vol. of Base added (x-axis)
			2a. Conc. of Acid (y-axis) vs Vol. of Base added (x-axis)
			Table and calculations for 2a			

 		Case 2 
			Experimental pH (y-axis) vs Vol. of Base added (x-axis)

		Case 3 
			Experimental pH (y-axis) vs Vol. of Base added (x-axis)


Post-Lab Questions 

		Case 1

1. Examine your graphs (1a and 2a). Discuss why 1a is a more useful plot.

2. Identify the major species in the beginning, middle and end of the 2a pH plot.

3. Find the endpoint on plot 1a. At the endpoint, chemists go really slow and stop just when the indicator changes to the appropriate color. Why do they do this? (Hint: think of the shape of the titration curve.)

4. What is the numerical and chemical difference between pH=1 and pH=2?

5. pH is defined as –log[H+]. Why is there a minus before log? 


          Case 2

6. What major chemical species are present before, at the equivalence point, and at the end of the titration?

7. How is the pH curve of Case 2 different and similar from Case 1?
		
	Case 3

8. What major chemical species are present before, at the equivalence point, and at the end of the titration? 

9. How is the pH curve of Case 3 different and similar from Case 1? 

10. How is the Case 3 pH curve different and similar from Case 2?

11. In general why is the midpoint or equivalence point important to chemists?

	Answer the Focus Question 




FOCUS QUESTION Part 4:

Can I devise an experiment that conclusively proves that a buffer functions properly?



First, Last and Always

1. The acids and bases in this activity do not pose any significant health risks. If contact is inadvertently made, rinse skin with water; clean up spills with a paper towel or sponge. All solutions in this activity can be disposed down the drain. 


Details:

A buffer is a solution containing either a weak acid and its salt or a weak base and its salt, which is resistant to changes in pH. While every buffer is different, it is not uncommon for a buffer to maintain a pH within + 0.5 pH units when small amounts of acid or base is added.  If large amounts are added, the buffer’s capacity to inhibit pH change can be compromised.

Individually, you will perform an experiment of your own design to show that an acetic acid / sodium acetate buffer actually buffers acids and bases. Write out your procedure.

You will have the following materials and information available to you:

0.1 M acetic acid
0.1 M sodium acetate
0.1 M HCl
0.1 M NaOH
Ka of Acetic Acid = 1.8x10-5
Henderson-Hasselbach Equation

The first step should be making up your buffer. Because buffers can be made up to correspond to different pHs, I will supply you with the target pH of 5 (if you are off a few tenths off that is alright). Because we don’t want to create excessive waste in this lab, the final volume of your buffer must be 50 mL. 

Please produce conclusive data that supports your conclusions. Record your experimental design, calculations, data, and answer the following questions after you do your lab.




A Post-Lab Checklist – Part 4

	 Make sure the following is in your notebook:			
			Design of Experiment 
		Observations 
		Calculations 
		Data 

	  Answer to the Focus Question 

		Post-lab Questions 

1. Using chemical equations, how does the acetic acid solution maintain a fairly constant pH when HCl is added?

2. Using chemical equations, how does the acetic acid solution maintain a fairly constant pH when NaOH is added? 







Electrochemistry 


Lightning is dramatic and powerful. We can harness the essence of lighting – electricity – by creating batteries.  While not as beautiful as lightning, batteries are much more useful as well as safe to handle. But what are batteries and how do they work? Well, for one thing batteries do Work, that is they perform work. Work along with heat is an energy transfer. So what energy is transferred in a battery? A battery (what chemists call a galvanic cell) involves two important parts, a chemical reaction and wires connected to an electrical device. The transfer of energy begins when the kinetic and potential energy of atoms during bond breaking and forming are transferred to electrons in a copper wire which results in these electrons being pushed through a device that harnesses this energy. We use the word "voltage" to refer to this electron push and "current" to the amount of electrons pushed per unit time. When this type of transfer occurs, scientists call this “Work.” I would like to begin this activity by examining the conditions necessary for work to take place.


FOCUS QUESTION Part 1: 

Examine electrochemical set-ups 1-4

Which set-up or set-ups is the most useful and 
how does it function in a useful way? 
Describe the chemistry involved (i.e. half reactions).


First, Last and Always

Safe Handling
1. Powdered metals can become airborne easily. Use weighing paper to measure out zinc powder and then wrap up your sample before walking about the laboratory. In this way, your sample will neither spill nor be blown by drafts.

Disposal                                                                     
 1. All solutions should be collected in the waste container under the hood.

2. All solids do not go down the drain. They will be collected in waste beakers. 

3. Copper, zinc, and other metal strips can be put back into their containers and reused.


Details:
Before everything else: Observe and record the physical appearance of all chemicals used in this experiment:

Zinc metal strip 
Zinc nails
1.0 M Zinc sulfate
Copper metal strip
Copper nails
1.0 M Copper sulfate
Copper sulfate solid
Iron metal strip
Iron stainless steel nails 
1.0 M Iron sulfate
Magnesium metal strip
1.0 M Magnesium nitrate
Carbon rods
0.2 M Potassium nitrate 
pH 4 Buffer

Part 1
Relating Heat and Work by comparing setups
1. We have studied the exothermic reaction of zinc and iodine quite extensively and have observed that these chemicals produce a decent amount of heat when reacted. Moreover, we have some knowledge of the nature of heat, for example, we know that heat is one way that energy (potential and kinetic) is transferred from system to surroundings or vice versa. Now, let’s investigate another exothermic reaction involving zinc and see how it can be manipulated to create voltage. In other words can the energy of bond breaking and forming be transferred not as heat but in a different fashion? The specific reaction that we will study is:

	Zn(s)  +  Cu2+(aq)  Zn2+(aq) + Cu(s)

The source of copper ions will be from copper sulfate.

Making sure our voltmeter works
2. Take a common battery and using wire leads and alligator clips, measure the voltage of the battery. This will tell you if your voltmeter is working properly. We have two types of voltmeters: square shaped voltmeters which take the square tipped black and red wires, and the rounded voltmeters which take round tipped black and red wires. If you get a negative voltage, just reverse the wires. Make sure the voltmeter is turned to “DCV 20” which means that you will be reading voltage instead of amperage. The number 20 is the maximum level and will correspond to a measurement in volts (not millivolts for example). Voltage refers to a potential energy difference between two points. In a battery or what really is called an electrochemical cell, voltage is a cell’s electromotive force or Ecell for short. 

Four different setups
3. You will investigate four different setups or cells and determine which one is most useful. They are:

	Setup #1: zinc and copper in the same beaker
	Setup #2 zinc and copper in separate beakers but connected by a bridge
	Setup #3 zinc and copper in separate beakers without a bridge
	Setup #4 zinc and copper and a porous cup

4. Setup #1: Construct the first setup as depicted in Figure 1. Use a 100 mL beaker and make sure the carbon rods are below the surface of the solution. Also use about 30 mL of the 1.0 M copper sulfate solution and about 1 gram of granular zinc metal. Once you have everything set up, record what you observe; especially make note of the temperature as recorded by the thermometer and volts measured by the voltmeter. Swirl the beaker occasionally in order to completely react the zinc and copper sulfate.


[image: ] 

			Figure 1: Zinc and Copper Sulfate
		
5. Setup #2: What if we try another set up, but one that used both the reactants (zinc metal and copper ion) as well as the products (zinc ion and copper metal) of the reaction. And furthermore, what if we separated the zinc metal from the copper ion using two different beakers connected only by a glass u-tube filled with an ionic salt solution of potassium nitrate (see Figure 2). The zinc ion can be supplied by a 1.0 M solution of zinc sulfate and the copper ion can be supplied by the 1.0 M solution of copper sulfate. 

6. Add about 15 mL of  zinc sulfate to one beaker and about 15 mL of copper sulfate to the other. Place the strip of zinc metal into the beaker and the strip of copper metal into the respective beakers. Using alligator clips run a wire from the zinc strip to the voltmeter and a wire from the copper strip to the voltmeter. Make observations, noting again any change in temperature and reading on the voltmeter. As you set-up your cell, you should do a couple of things: 1) use steel wool to clean off the metal tips of the probe and the strips of zinc and copper, 2) fill the u-tube completely and stuff in about 2 cotton balls at each end so the solution will not leak through. The cotton balls should be wet throughout. If there is a big air bubble in the tube, the setup won’t work. 3) do not move or cross the wires or the voltage will fluctuate, 4) if a negative value is observed, reverse your wire connections.
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			Figure 2: Separated Zinc and Copper Sulfate



7. Setup #3: Remove the bridge from setup #2 and see what happens. Record voltage and any temperature change.

8. Setup#4: Pour the solution of copper ion into a ceramic porous cup then place a strip of copper into the cup. Bend the copper if necessary. The copper strip should be connected to a voltmeter with the same wire as in the previous setup. Place the porous cup into the beaker containing the zinc solution and strip of zinc metal. The zinc strip should also be attached to the voltmeter. Read the voltmeter and record the temperatures of both the zinc solution and copper solution. Wipe down the thermometer between solutions.

9. You will have to write a confidence report on Part 1 so do what you can to gain confidence in your data. One piece of information that you might want is that the voltage for the zinc and copper cell can be found in most introductory chemistry textbooks and through the internet. This value can represent the known or standard value, and can be used to determine your accuracy. Once you are ready to bet a million dollars on your data, go back and answer the focus question.


Part 2

Your Inquiry
10. Think about variables that will affect the voltage of a cell. Using some of the materials listed below, plan at lease two experiments and discuss them with your instructor. Think about changing one variable at a time. If multiple data points are possible, think about making a plot. You should create a focus question, write a procedure, make observations, tabulate data, create transformations if any, and answer the focus question.

250 mL volumetric flasks
Directions on how to Make a Serial Dilution
Directions on how to use a Voltmeter
25 mL pipets
Zinc metal strip 
Zinc nails
Zinc sulfate (1.0 M)
Copper metal strip
Copper nails
Copper sulfate (1.0 M)
Copper sulfate solid
Iron metal strip
Iron stainless steel nails 
Iron sulfate (1.0 M)
Magnesium metal strip
Magnesium nitrate (1.0 M)
Carbon rods
Potassium nitrate (0.2 M)
U tubes
Corks to fit U tube
Scissors
Cotton balls
Filter paper that can absorb a solution of potassium nitrate
A porous cup can be used in place of a U tube salt bridge.




How to Use a Multimeter as a Voltmeter

The multimeters you will be working with can be used by doing the following:

1. Attach the black wire to the OCM port and the Red wire to the V port.
2. Move the function switch to DC V with range of 2 or 20. 
3. Connect the black and red wires to the cell that you are investigating.
4. Turn the on/off switch to on.
5. If a negative reading appears on the voltmeter, which the black and red wires that are connected to the cell. 
6. When not using, turn the switch to off so the battery won’t be drained.

So what does the voltmeter measure? Of course it measures volts, which means it measures a potential energy difference between two points. The greater the voltage the more energy is available to do work such as light a light bulb or make a buzzer ring.


A Post-Lab Checklist

		Make sure the following is in your notebook:

	Part 1: Comparing Setups 1-4 
			
			Observations of all substances used. 	
			Observations of temperature and voltage for setups 1-4. 
			Answer to focus question 
	
	Part 2: Your own Inquiry (do the following for each experiment)
			Experimental Details 
	 				New focus question
					Procedure
					Observations
					Tabulated Data 	
				Transformations if any
				Answer to your Focus question			 		



Moles of Iodine vs Moles of Tin
y = 1.0215x - 0.000094429
1.2999999999999999E-2	1.4E-2	1.7000000000000001E-2	1.9E-2	0.02	4.0000000000000001E-3	6.0000000000000001E-3	8.0000000000000002E-3	0.01	1.2E-2	Moles of Tin
Moles of Iodine
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