Principles of Chemistry Online

Lecture Notes


Introductory Chemistry, 2nd ed, by Nivaldo Tro
Chapter 6: Chemical Composition
Chemical Composition- Why is it important?
In the previous chapters we learned about chemical bonds, the two types of compounds (ionic and covalent or molecular) and how to write their formulas and name them.  The chemical characteristics of matter vary according to what makes up the matter. Any business that produces any type of product realizes that it is important to know how to combine the raw materials efficiently to make the product with as little waste and as cost effectively as possible in order to make a profit.  Chemists are very concerned with that as well; it is important to produce the product we are seeking as efficiently as possible with as little waste as possible. To do this, we must know the chemical composition of the starting materials and the desired products, and we investigate the best conditions for running a reaction.  
We know that atoms are so tiny they can’t be seen or weighed individually in a most labs, much less on your pocket scale at home. In the next three chapters, we discover ways to discuss atoms and molecules and their reactions in a quantitative manner in spite of the limitations of common equipment. These three chapters are the real essence of what chemists do.

Study Tips

Although the three chapters are so closely related that we present them together, it is important in studying them that you take the material in small bites. We will cover the three chapters over the next two weeks.  Pay attention to the syllabus in determining which sections we expect you to read. Read one or two sections and work through the examples and skillbuilder problems. Then try an end-of-chapter practice problem.  Once you have that topic under control, move to the next. This way of digesting the material in small increments is much more effective than the all-night-Sunday-night method and is really important in learning the material presented here. Make good use of the discussion board, posting questions as they occur to you.  Remember that your instructors want to help you understand; we remind you that the only “dumb question” is the one you don’t ask!
Cheaper by the Mole?
Pair, dozen, gross, and ream are all nouns that commonly represent a certain quantity of something. Socks, shoes, and mittens commonly are purchased in pairs; eggs and doughnuts are counted by the dozen. Schools buy pencils in boxes containing 144 pencils; this quantity is called a gross. A package of paper containing 500 sheets of paper is a ream. When the print shop at TCC orders paper for all the copiers and computer printers for all the campuses, it would make no sense to order a certain number of individual sheets. In fact, paper for TCC is ordered by cases, knowing that a case contains a certain number of reams, and each ream has 500 sheets.

Because atoms and molecules are so tiny, it makes sense to measure them collectively as well. A very small sample of an element or a compound contains a very large number of particles- either atoms or molecules.  Chemists define a quantity called a “mole”; a mole of atoms contains 6.022 x 1023 atoms.  This very large number is of a convenient size for measuring quantities of atoms and molecules, as we shall see.
The original definition of a mole is the number of atoms in exactly 12 grams of carbon-12, the most abundant naturally-occurring isotope of carbon.  You might recall that by definition one atom of carbon-12 weighs exactly 12 atomic mass units (amu.) The definition of a mole is quite convenient then, since one atom of carbon-12 weighs 12 amu and one mole of carbon-12 atoms weighs exactly 12 g. 
The number of atoms in exactly 12 grams of carbon- 12 is 6.022 x 1023 atoms. We call this number Avogadro’s number.

Remember, however, that naturally occurring carbon contains a mixture of isotopes. The average mass of a carbon atom in a sample of naturally-occurring carbon is 12.01 amu. Therefore, a sample of naturally occurring carbon weighs 12.01 grams because it will contain a mixture of carbon isotopes. 
Counting Atoms by the Mole is like Counting Nails by the Pound

The analogy of counting nails by the pound (or any other small piece of hardware for that matter) is a pretty good one. Would you like a job where all you did all day was to fill small plastic bags with precisely 8 screws, each ¾ long size #10? Probably not.  Nor is it a job for which a manufacturer would want to pay you because it is one that can be done more cheaply and precisely by machine. By knowing the average mass of one such screw, a machine could be set to weigh out the desired number of screws and bag them. 

In weighing out atoms or molecules, we can do a similar thing if we know the average mass of one atom or one molecule. As mentioned above, the average mass of one naturally occurring carbon atom is 12.01 amu and by definition, the average mass of one mole of carbon atoms (Avogadro’s number) is 12.01 grams. If we need 2 moles of carbon atoms, we can measure out 24.02 grams of carbon, or if we need ½ mole of carbon atoms, we can measure out  just over 6 grams of carbon. 
If a different element is needed, a similar operation will work, but it is necessary to know the average mass of one atom of that element.  ( Similarly, if we want to switch the machine to weigh out 1 inch screws instead of ¾ inch screws, we need to know the average mass of the longer screws.) Luckily, in the world of elements, this information is readily available to us in the periodic table. For each element in the periodic table, the atomic mass, the average mass of one atom of that element in amu, is given and it is numerically equal to the average mass of one mole of atoms of that element in grams.  We define the molar mass as the mass of one mole of an element in grams. 

One mole of any substance will contain 6.022 x 1023 particles of that substance; the particles may be atoms, molecules, or any other type of particle, including #8 screws, basketballs, or people.  
1 mole of any substance = 6.022 x 1023 particles of that substance

Each type of substance will have its own molar mass, which will depend on what the particles are. 

For elements, the molar mass is numerically equal to the atomic mass given in the periodic table. 

Use the molar mass as the conversion factor to convert grams to moles or moles to grams, as shown in the examples in the slide show.  These are unit conversion or dimensional analysis problems. Learn to do them by letting the units guide you, rather than by memorizing whether you to need to multiply or divide to do a particular operation. 
Molar Mass of Compounds
Just as the molar mass of an element is the mass of 6.022 x 1023 atoms of that element, the molar mass of a compound can be defined as 6.022 x 1023 molecules of that compound (if it is a molecular or covalent compound) or 6.022 x 1023 formula units of an ionic compound. 

When determining the molar masses of compounds we use the formula weight for ionic compounds and molecular weight for covalent compounds.  The formula weight of an ionic compound is the sum of the atomic weights of the elements present multiplied by the number of atoms of each element in the formula.  The molecular weight of a covalent compound is equal to the sum of the atomic weights of the elements present multiplied by the number of atoms of each element in the molecular formula. The mass of 1 mole of ionic compound is equal to its formula weight in grams and the mass of 1 mole of a covalent compound is equal to its molecular weight in grams.
Thus, to find the molar mass of an ionic compound such as NaCl, you would look on the periodic table to find the atomic mass of sodium, Na, which is 22.99 and the atomic mass of Cl, which is 35.45. Add the two to get 22.99 + 35.45 = 58.44.  The formula weight of NaCl would therefore be 58.44 grams/mole. 

To find the molar mass of a covalent compound such as ammonia, NH3, you would find the masses for nitrogen, N, which is 14.01 plus 3 times the mass for hydrogen, H, which is 1.01 for a total of 17.04 g/moles. This is the molar mass or molecular weight of ammonia. 

Just as with elements, the molar mass can be used to convert grams of a compound to moles of a compound or moles of a compound to grams of a compound.  The importance of being able to do this will become more clear in the next chapter. 

Percent Composition
The percent composition is the percentage of each element present in a compound by mass.  To find the percent composition, you calculate how much of the molar mass is supplied by a particular element, divided by the molar mass, then multiplied by 100 to convert to a percentage.  

Here are two examples of this type of calculation using the examples above for calculating molar masses. 

The percent composition of NaCl would be as follows:




[image: image1.wmf]g Na

22.99

mole Na

% Na = ×100 = 39.33%  Na

g NaCl

58.44

mole NaCl

g Cl

35.45

mole Cl

%Cl =×100 = 60.66%  Cl

g NaCl

 58.44

mole NaCl


Notice that although the percentages should add up to 100%, these only add up to 99.99%, probably because of rounding.
The percent composition of NH3 would be as follows:
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Chapter 7: Chemical Reactions

Evidence of Chemical Reactions
If you observe everything around you carefully, you should be able to find evidence that chemical reactions are occurring all around you and even in you constantly. In an earlier chapter, we described changes as being either physical changes or chemical changes. How can we tell the difference?

In a chemical reaction, atoms of the materials at the start of the reaction are rearranged to form new materials with different characteristics.  No new matter is produced, but atoms are rearranged. By this definition, a change such as  melting ice to form liquid water and then boiling the liquid water to form steam, would not be a chemical change, only a physical one. Why?  Because it is easy enough to condense the steam back to liquid water and then cool it back to form ice. The water has changed its form, but not its chemical makeup. Whether it is present  as ice, liquid water, or steam,  all forms of water still have the chemical formula H2O. 

On the other hand, if we burn wood in a fireplace, the main products are carbon dioxide, water, and some noncombustible wood ash. Once the reaction is complete, there is no way to easily bring the wood back. Its atoms have been rearranged to form new compounds.
Careful observation of changes in a process is necessary as we try to sort out evidence of a chemical reaction. Any of the five senses may provide clues to a chemical change: color change, formation of a solid precipitate, bubble formation, emission of light,  cold or heat produced in a reaction, new odor produced, or  sounds heard such as fizzing may all signify a chemical change. Simple observation is not enough, however. The only way to know for sure that a chemical change has occurred is by analyzing the starting materials and products from the reaction to see if the molecules themselves have been changed. 
Chemical Equations

When chemical reactions occur, bonds are broken and new bonds are formed, resulting in rearrangement of atoms and production of new compounds. Chemical equations are symbolic descriptions of chemical reactions using the chemical formulas for the reactants (starting materials) and products of the reaction.  From a chemical equation, we can determine the physical states (solid, liquid, gas, or aqueous solution) for the reactants and products. A balanced chemical equation can help us predict the relative numbers of molecules required for the reaction. The arrow in a chemical equation is somewhat similar to the equal sign in a math equation and may be read as “yields” or “react to form”. 

 For example let’s consider the combustion reaction between gasoline (octane, C8H18) and sufficient oxygen to produce carbon dioxide and water.  The chemical equation is written as: 




2C8H18(l)  +   25O2(g)   (  16CO2(g)   +  18H2O(l)

Two possible ways to read the equation are to say:
2 molecules of liquid octane plus 25 molecules of oxygen gas will yield 16 molecules of carbon dioxide gas plus 18 molecules of liquid water. 

or

2 moles of liquid octane plus 25 moles of oxygen gas will react to form 16 moles of carbon dioxide gas plus 18 moles of liquid water. 

The starting materials are called reactants and written on the left and the and new compounds formed are called products, written on the right of the arrow pointing toward the right.  Sometimes the physical states of the reactants and products are written using the first letter of the state: (l) for liquid; (s) for solid and (g) for gas. The abbreviation (aq) is used for solutions in which water is the solvent.

Balancing a Chemical Reaction
The law of conservation of mass was introduced in previous chapters. It says that matter cannot be created or destroyed in a chemical reaction. Atoms are simply rearranged.  This means that the total mass of the reactants will equal the total mass of the products since all the atoms you start with will still be present when the reaction is complete. The law of conservation of mass is the basis for balancing a chemical reaction. 
Once a chemical equation is balanced, the numbers of each type of atom will be the same on the left side and on the right side of the reaction.  In the balanced equation given above for the combustion of octane, there are bold-faced numbers in front of each of the formulas of the reactants or products; those numbers are called coefficients. They represent the number of molecules or the number of moles of that particular substance, depending on how the equation is read. The coefficients are the only numbers used for balancing the chemical reaction; never change the subscripts of any formula. To do so would alter the identity of the compound. 
Some reactions are simple enough to balance by inspection, but sometimes it is necessary to follow a procedure to make balancing easier. The steps are:

1. Write the unbalanced chemical equation making sure that the formulas are correct for each reactant and each product. 

2. Inventory the atoms present in the starting materials and in the products. A simple way to do this is to make a list of the atoms under the reactants and make the same list under the products. To count the atoms present correctly, you must multiply the coefficient of the formula in which the atom appears by the subscript that tells how many of that atom is in that formula. 

3. If the same polyatomic ion appears on both sides of the equation, you may count it as a unit, rather than counting the individual atoms in the ion. 

4. Begin balancing by looking for an element that is present in only one formula. Change the coefficients of the compounds as needed to make that element balance. Stop and inventory the atoms on both sides again after each time you change the coefficients, since changing a coefficient may change the numbers for more than one element. 

5. If there are elements present that are not combined in a compound, save balancing those for last. 
6. Double check to be sure the numbers of atoms are the same on both sides of the equation, and then reduce coefficients to the lowest whole number ratios. 

An example of this procedure is included as a separate handout in the Course Documents folder for these three chapters. 
Chapter 8: Quantities in Chemical Reactions
Stoichiometry
Stoichiometry (stoy-key-om′-et-tree)  is a big word that describes the relationships between quantities of reactants and products in a chemical reaction.  It relies on our ability to apply the law of conservation of mass and procedures for balancing chemical equations. Stoichiometry allows us to calculate how much of each reactant to measure out at the beginning of a reaction and figure out how much product should be expected.  Although it sounds formidable, stoichiometry is quite similar to using a recipe in the kitchen to make a favorite dish. 
The lecture slides make a good analogy to making pancakes using 2 eggs, 1 cup of flour, and ½ teaspoon of baking powder to make five pancakes. If you are making pancakes for a crowd, you can figure out how much of each ingredient to use if you know how many pancakes you need to end up with and you don’t run out of anything. If you have a dozen eggs, you can make 30 pancakes, or if you only have half- a dozen eggs, you can make 15 pancakes.  
A chemical equation can be read as if it was a recipe also. In chapter 7 above, there were two possible ways to read the chemical reaction. The formulas represent molecules of a substance. Because moles are a way of counting molecules, the formulas can also represent moles of a substance.  Both ways are valid ways to read the chemical equation. However, when doing a reaction in the lab, we already learned that chemists use moles rather than molecules in order to have quantities that are measurable with common lab equipment. 

Mole Ratios and Mole to Mole Conversions
The coefficients in the balanced equation give the mole ratios of the reactants and products. In the reaction:  2H2  +  O2  (  2H2O,   we can say that 2 moles of H2 is ≡ 1 mole O2 ≡ 2 mole H2O. The symbol “≡” means “stoichiometrically equivalent to”.   The coefficients can be used as conversion factors for calculating the amounts of other two if amount of one is known.

Example:  2H2  +  O2  (  2H2O

a) If you have 1 mole H2 how much oxygen can you react it with?  

1 mol H2 x 
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It is critically important that the ratios you use are always ratios of moles from the balanced chemical equation (never ratios of masses!)
Mass to Mass Conversions

Although we must use mole ratios for calculations in stoichiometry equations, we realize that there is no direct way to measure out a mole of substance. Like the analogy to nails at the hardware store, we usually rely on the measuring the mass of a substance to know how much of it we have. However, we cannot use the coefficients in the chemical equation to convert grams of one reactant to grams of another reactant or grams of a reactant to grams of product. We must always(!!!) convert grams of a substance to moles before using any ratios from a balanced chemical equation. 
Example:  2H2  +  O2  (  2H2O. Calculate how much oxygen you need to react with 32.3 grams of hydrogen to produce water. 

1)The first step is converting the mass of hydrogen to moles of hydrogen. 
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2) The next step is calculating how many moles of oxygen are needed:
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3) Moles of oxygen can then be converted back into grams of oxygen:
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Always(!!!) convert grams of a substance to moles before using any ratios from a balanced chemical equation. Use the mole ratios to calculate moles of the second substance, then convert back to grams of the second reactant.

Limiting Reactants and Excess Reactants

At some time, you may have experienced this concept in your kitchen. You need to make a double recipe or triple recipe of some treat, but you are not sure you have the right amounts of ingredients. For example, in the pancake example, it takes 2 eggs to make 5 pancakes, so with 6 eggs you can make 15 pancakes. Making 15 pancakes also requires 3 cups of flour and 1.5 teaspoons of baking powder. It is important to be able to determine which ingredient will be the one that you run out of first.  For example, if you have only 4 eggs, but you have 20 cups of flour and several tablespoons of baking powder, you will be limited by the number of eggs.  

A similar situation may arise when figuring out ingredients for a reaction in the lab. If your reactants are not present in the exact stoichiometric ratios, the amount of product formed will be limited by the reagent that is completely used up.  

For the reaction between Mg + S ( MgS, the ratios say that 1 mole Mg reacts with 1 mole S producing 1 mole MgS. 

If both reagents are present in the exact proportions as shown by the coefficient in the balanced equation, then you will get the amount of product predicted by the equation.  

However, if they are not, as in the case when you have 1 mol Mg + 2 mol S, your product will be 1 mol MgS. Why? Because once all the Mg has been used up, the reaction stops. Even though you still have 1 mole of S, there is nothing to react with, so it is left over as S. In this case, Mg is the limiting reagent and S is the reagent in excess. 

If you reversed the amounts, so that you react 2 mols Mg and 1 mol S, the product will still be 1 mol MgS, because this time you used up all the S and 1 mol excess Mg has nothing to react with.
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