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Unit 1 Nuclear Chemistry.  Review of Atomic Structure
Standards for Unit 1

Here are the state standards you must know for the Unit 1 PTS (Progress Towards Standards) tests, the Benchmark exam, and the Standards Exam (CST).


SPECIAL NOTE: The state standards are not in order, so you’ll see that we bounce all over the place.  For instance in this unit, we spend most of our time in Standards 1 and 11

1e. Know that if you weigh an atom, almost all the weight is in the nucleus (this means electrons have almost no weight).

1f. Know the Bohr model.  This just means you remember that picture of the atom you have from middle school of atoms as a nucleus surrounded by spinning electrons. You remember, protons, neutrons, electrons, atomic number.(This is a BIG part of the unit.)

1i. Know the basis of quantum theory.  This just means that the electrons do buzz around the nucleus, but they’re only “allowed” to spin in certain places and no others.

11a. Know that protons and neutrons (the particles in the nucleus) are held together by VERY STRONG nuclear forces.
11b. Know that there is more energy given off when you split a nucleus because of 11a.  That means that nuclear forces are much stronger than any “ordinary” chemical bonds we’ll see.

11c. Know what an isotope is, how to write nuclear symbols, and how to balance nuclear equations.  (This is a BIG part of the unit.)

11d. Know about the 3 most important types of “radioactive decay.”  These are called alpha, beta, and gamma radiation.

11e. Know that alpha, beta,and gamma radiation have different effects on people and materials and penetrate us differently.

Unit 1 Summary

Part 1. Atomic Structure Review

From middle school, you should remember that there are three little particles that make up atoms.  Two of them are found in the NUCLEUS of the atom, and one of them buzzes around the outside of the atom in a CLOUD or ORBITAL.

John Dalton was the first “modern” scientist to propose that matter is made of these tiny particles called “atoms.”  An ancient Greek named Democritus thought of it first, but didn’t do any research.  John Dalton thought the particles in any one element were all identical and unbreakable.  We’ll see that he was right, based on the science available in the 1800’s.  However, this unit is about the exceptions to his thinking.  It turns out that atoms can change under very weird conditions.  During “ordinary” chemistry that you see every day, atoms do not change into other types of atoms or disappear.

Nucleus contains PROTONS (positively charged with a weight of 1 “amu”…the Atomic Mass Unit) and NEUTRONS (no charge and also with a weight of about 1 amu).  

Electron cloud contains ELECTRONS (negatively charged and with a very small weight of about 1/1800 of an amu) buzzing around, not like the planets in the solar system, but more like a big cloud floating over your head.  They are only “allowed” or found in certain areas around the nucleus.

Since protons and neutrons weigh almost 2000 times as much as an electron, all the weight in atoms must be in the nucleus.  Not only that, the nucleus is incredibly small.  If an atom were the size of a baseball field, the nucleus would be the size of a fly on second base!  Ernest Rutherford discovered all of this.

The number of protons an atom has inside its nucleus is the ATOMIC NUMBER (abbreviated “Z”).  It’s also what says which type of element you are.  For example, all hydrogens have 1 proton in their nucleus, all carbons have six.  No exceptions.  If an atom is neutral (not charged), the number of electrons is the same to cancel out all those positives.  This number is on the Periodic Table in each element’s box as a whole number.

The number of protons AND neutrons added together is called the MASS NUMBER (abbreviated “A”). This number is NOT on the Periodic Table.  It will be given to you when you need it.

Protons and neutrons are held together by NUCLEAR FORCES (depending on how much you study this in physics, there are either one or two nuclear forces).  These are the strongest forces in the universe, much stronger than gravity or electricity.  Since protons are all positive, they repel (try to get away from) each other.  Nuclear forces keep them together.  Sometimes, the charge on a proton can come off as a funny “positron” or an electron can come off a neutron.   There’s another nuclear force that keeps that from happening most of the time.  “Ordinary” chemistry that you see every day has NOTHING to do with this.  Normally, the protons and neutrons are stable…and therefore so is the atom.

Part 2.  Isotopes

The elements around us (except hydrogen) have all been inside a star at least once in the last 13.7 billion years (By the way, our Sun is a 3rd generation star, which means it’s “only” about 6 billion years old or so.)  Elements are formed by the powerful forces found inside stars.  When they form and the protons and neutrons come together to make a new element, the neutrons don’t always do it exactly the same way.  Imagine how hard it must be to “squish” protons and neutrons together to make a new element out of smaller ones!  That happens inside stars!

ISOTOPES are different forms of the same element (that means the same # of protons in the nucleus).  What makes them different?  They have an extra neutron or two, or maybe are short a neutron or two.  That tends to mess up those strong nuclear forces, so many of these isotopes fall apart over time (we’ll cover that in Part 3)

So ISOTOPES have the same ATOMIC NUMBER but different MASS NUMBERS, because the neutrons vary.

Isotopes are written using a “shortcut” system, and we call these NUCLEAR SYMBOLS.  The symbol for the element is written down from the Periodic Table.  To the lower left of that symbol, we write the atomic number (also found on the Periodic Table).  To the upper left, we write the mass number (but you’ll have to be given that…it’s NOT in the Periodic Table)

Example.  (Use your Periodic Table as you study this example…)

An isotope of carbon with a mass number of 12 is shown in the box.

It also has six neutrons, since 6 protons + 6 neutrons = 12.

This isotope is called “carbon-12” (it’s the most common one and is very stable)


An isotope of oxygen containing 9 neutrons is shown.  It must have

9 neutrons, because 8 protons + 9 neutrons = 17

This isotope is called “oxygen-17” (it’s not common and is unstable)

It’s important to realize that Nuclear Symbols only talk about the nucleus, and ignore the electron cloud.

Part 3. Radioactivity

OK, so now we know how atoms are built, how they USUALLY never change, and how there are a few oddball ISOTOPES around.  Here comes the last part of the unit, so we can move on to “ordinary” chemistry, which is what most of us see every day of our lives (and what this class is all about).

Some isotopes are “unstable” and will fall apart over time, rearranging their nucleus and turning into a new element.
That’s pretty much it.  The rest is details.  When an unstalble isotope falls apart (but we call this “decay”), it gives off energy called RADIOACTIVITY.

There are five major types of radioactivity, but only 3 are needed for the state standards exam (your text covers all five, and you’re welcome to study them on your own).


1. ALPHA radiation is when a helium nucleus is given off as an

element decays.  The symbol is shown to the right.


2. BETA radiation is when an electron is given off from a nucleus 

(weird) as an element decays.  The symbol is shown to the right. 


3. GAMMA radiation is when a “gamma” ray with no weight at

all is given off as an element decays.  Symbol to the right.  

These three types of radioactive decay differ in how much energy they have and in how dangerous they are to human life.  Physicists talk about the “penetrating ability” of radioactivity.  This means how easily can this radioactive particle rip through stuff like humans!

Alpha has LOW penetrating ability and is mainly harmful if you get it inside your body.  There, it is incredibly dangerous, and will tear up cells and DNA.  Glow-in-the-dark t-shirts have “alpha emitters” on them, but most people don’t eat their shirts!

Beta can go about ¼ of an inch into you, and causes medium damage.  Beta particles are charged and are often called “ionizing radiation.”  Beta radiation is used in the smoke detector in your ceiling at home.

Gamma rays have very high penetrating ability but don’t cause a huge amount of immediate damage to humans because they are massless.  Gamma rays go right through you.  Over time, though, they can definitely cause damage.  

Alpha is the type of radiation that causes the most immediate damage to human tissue.

Part 4. Nuclear Equations
We write equations that show what happens when an unstable isotope of an element decays (falls apart) into a new element.  Remember that this is unusual, and in all “ordinary” daily chemistry, atoms neither disappear or change into new atoms.

The trick to doing nuclear equations is to notice that the top numbers on both sides are the same, and the bottom numbers are the same.

Example Below is the nuclear equation for carbon-14 decaying into nitrogen-14 and giving off a beta particle


14 
  0
   14
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  -1 
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Notice the top numbers (mass number) add, since 14 + 0 = 14

The bottom numbers add, too, since 7 + (-1) = 6

Example.  Here is radium-222 undergoing alpha decay.  Again, check the numbers afterwards.  Also, notice that the atomic number tells you that “86” must be radon from the Periodic Table.
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So when you are asked to do nuclear equations on the exam, be sure to identify which TYPE of radiation is being produced, then be sure all the numbers add up on both sides of the equation!

Unit 2 Scientific Method, Periodic Table Geography, More Atomic Structure

Standards for Unit 2

Here are the state standards you must know for the Unit 2 PTS tests and the Benchmark exam.


SPECIAL NOTE: The state standards are not in order, so you’ll see that we bounce all over the place.  Also, in this unit, we cover the “Investigation/Experimentation Standards (I&E)  These cover general ideas in science.  

Investigation/Experimentation Standards

I&E f.  Know that “theory” and “hypothesis” mean very different things to scientists (and trained people) than they do the general public.  This means that you have to stop saying “it’s only a theory.”  Scientists don’t say that.

I&E 1g. Know how models (and theories) are used to explain what we can see, AND what models and theories CAN’T explain.  This means you have to understand what things science tries to explain, and what things it doesn’t try to.  In order to do that, you must know the steps in the “scientific method.”

I&E 1k.Know that science knowledge (like all human knowledge), builds on what other humans have already learned.
I&E 1n Know that when a theory stops explaining things we see, one of two things happen.  One, we keep rechecking what we see to check for mistakes; two (and only after really doing #1 a lot,) we add new parts to our theory.  Once every hundred years or so (or even less), an entire theory is abandoned because new data may radically conflict with old data.  These are very rare.

Chemistry Standards
1a. Know how to look up both atomic number and AVERAGE atomic mass on the PT.   This means you know that the PT is arranged in order of atomic number, (not atomic mass), but you can look at any atom and tell the number of protons in nucleus and the average weight of an atom in an element (because that number is the average of all the isotopes).

1b & c. Know your PT geography.  This means if  you are handed a PT, you can point out all the important areas.

1d. Know that the family number of the Main Group families on the PT also tells you how many electrons that an atom can use to bond to other atoms.  You’ll use this a lot in chemistry, so we start you on it now.

1e. Remember that most of the weight of atoms is in the nucleus, then LEARN that the nucleus is incredibly small.  Just a little addition to what you learned in Unit One.

Unit 2 Summary

Part 1. The Scientific Method

“I think spaghetti is good.”  “I like the Democrats.”  “Red cars are great.”  

These are all NOT part of science (or pretty much most of education).  From earlier days in other science classes, we must once again re-study “The Scientific Method.”

The Scientific Method was developed over the last couple hundred years, and basically says that nearly all human learning should be based on studying data.
Most books (and the state test) assume you have been taught 4 parts of the scientific method, in order from LOWEST to HIGHEST.

1. FACT or OBSERVATION (lowest level of science or any field of study).  A fact is an event reasonable people agree on.  “The shirt is blue” is something most people would agree on, if they say a person wearing a  blue shirt!

2. HYPOTHESIS is an attempt to explain why some facts occurred.  It MUST be based on the facts, then you MUST test it to see if it’s true (actually, you do mathematical tests to see if it’s not false, but that’s another class called statistics).

3. LAW or NATURAL LAW.  If something happens the same way every time, you can state what it is WITHOUT explaining why by using a law.  Newton’s Law of Gravity states that objects more dense than air fall toward the center of the earth.  Newton never did understand WHY gravity worked, he just figured out a lot of  the math behind it.

4. THEORY (the highest level in education).  A theory explains all facts, hypotheses, and laws, THEN makes predictions that MUST be tested.  If we follow the Theory of Universal Gravitation, we should predict that everywhere we measure in the universe, we notice a force between all objects.  That has so far never been shown wrong.  The Theory of Evolution states that species adapt over time in response to environmental change.  We would predict that where we can find evidence of great climate changes, the species should change.  Again, the evidence we have found support that theory

“THEORY” is used incorrectly in TV shows and often in daily conversation.  People say “theory” when they should say “hypothesis.”  So when you use that word, be careful.  It is the best way we have found of saying that we are incredibly sure something is true.

OPINIONS are valuable things.  They are the first three things I wrote in this section.  They are worthy of study in philosophy or politics, but they are not found in science (except by mistake).  Be careful not to confuse opinions with facts.  If you and I can reasonably disagree, it’s an opinion.  FOR EXAMPLE, to me, 8:30 at night is late.  Bet you disagree with my OPINION about that!

Part 2.  Periodic Table Basic Geography

You may find it helpful to think of the Periodic Table as two mountains with a valley in the middle.
I will give you a lot of “geography” now.  You may want to take notes on your own Periodic Table.  Remember DON’T WRITE ON THESE SUMMARIES.


A. Metals/NonMetals/Metalloids (semimetals).  See the jagged “staircase” on the right side of the table?  Metals are on the left, nonmetals on the right, and the elements that touch the staircase are metalloids.  

(EXCEPTIONS.  Hydrogen, even though it’s on the left, is still a nonmetal.  Aluminum, even though it touches the “staircase,” is a true metal.)

B. Families, Groups, and Periods.  

VERTICAL COLUMNS are called Families or Groups.  There are either 18 or 8 of them, depending on whether or not you number the families in the “valley.”  If you just number the families in the MOUNTAINS, you put an “A” after the number.  See 1A through 8A up there on the table?  That’s the most common way we number families.  Ask a chemist to point to family 7, and they’ll point to 7A!

HORIZONTAL ROWS are called Periods.  There are seven of them, because the two bottom ones off by themselves actually belong up in the valley.  Look between 57 and 72, then between 89 and 104 to see where they fit.

C. “Famous Families.  Four families have famous names.  Family 1A is called the Alkali Metals (except hydrogen).  Family 2A is the Alkali Earths.  Family 7A (17) is called the Halogens.  Family 8A (18) is called the Noble Gases.


D. Areas of the Table. The two rows on the bottom are called the Inner Transition Metals.  The area in the big box is called the Transition Metals.  Families 1A through 8A (the “mountains”) are together called the Main Groups.
E. Counting Electrons in the Main Groups.  Throughout this year, we’ll need to know how many electrons are on the very outside of the main group elements (these are called “valence electrons.)  When using the “A” system, the family number IS the number of valence electrons.  We’ll find out that these are the electrons that atoms will use when they stick to other atoms (“electrons available for bonding”). Example.  Carbon has 4 valence electrons.  Chlorine has 7, while barium has 2.
Part 3. A little more about the atom

I have a few extras to toss in right here that we’ll need throughout the year.

Atoms or groups of atoms that have a charge (positive or negative) are called IONS.  Positive ions are CATIONS, negative ones are ANIONS.

 The main thing that separates metals from nonmetals is how they feel about electrons.
Metals hate their electrons, and it’s usually pretty easy to get them to give them away.  Of course that will leave a positive metal ion (a cation).  Nonmetals love electrons, and fight very hard to take them from other atoms.  As they gain electrons, they become negative (anions).  What do you think happens when these negative and positive ions meet?  They form something you’ve heard of…a SALT (to be fancy, it’s really called an “ionic compound.”)  Example The table salt you’ve been using your whole life is sodium chloride, NaCl.  Notice how you see a metal and a nonmetal?  The sodium gave up its electron to the chlorine.  Then since they were both charged ions, they stuck to each other (they formed an “ionic bond”).

The whole number in each element’s box on the Periodic Table is the atomic number.  So just by looking it up, you know how many protons are in the nucleus of any atom in nature.

The funny decimal number in each element’s box on the Periodic Table is the AVERAGE ATOMIC MASS.  Remember about those ISOTOPES from Unit 1?  Since they weigh a little different due to the extra/short neutrons, chemists have to average the mass (weight) of all the isotopes.  We’ll use those numbers a lot later in the course.  To make your life easier, you really only have to worry about the first two decimal places..

Don’t forget that the nucleus is VERY SMALL from our work in Unit 1.  However, you also must know that it’s VERY HEAVY.  That seems weird, yes?  Something can be very small, yet very heavy!  Also, don’t forget that atoms are mostly empty space.  If you could expand a typical atom’s nucleus to the size of an orange, the electrons would be eight miles away!!!!  Nothing but empty space between the electrons and the nucleus.

The Periodic Table is arranged so that each element gets one proton added to its nucleus.  In other words, the Periodic Table is arranged by ATOMIC NUMBER.  If you look carefully, you’ll even see where the average mass (weight) goes down.  That means the table is NOT arranged in order of increasing weight.  

Unit 3 Middle School Standards Review, Errors and Significant Figures, Chemistry Math
Standards for Unit 3

Here are the state standards you must know for the Unit 3 PTS tests and the Benchmark exam.  There are NOT a lot of standards in this unit, but IT’S ALL ABOUT THE MATH.


SPECIAL NOTE: You’ll see that this section reviews a lot of material you are supposed to have seen before, so pay close attention.  You’ll also see some VERY important work on the math you need for chemistry.

Investigation/Experimentation Standards

I&E c. Know how scientists (and chemists) work with error.  This means you need to understand how things can go wrong in labs AND especially how we write down numbers that explain how we handle error with “significant figures.”

I&E e. Know how we handle the very large and small numbers needed in chemistry with exponents.  This means you need to review “exponential notation,” also called “scientific notation.”

Chemistry Standards (Middle School Review Topics)

1. (In order to use the math standards above AND in order to work with the remainder of the chemistry in this course),  REVIEW basic concepts from previous science standards.  This means you must KNOW that matter is made of very small particles called atoms that are in constant motion, that collide during chemical reactions, and have properties that change before and after reactions.

Unit 3 Summary

Part 1. Middle School Science Standards Review

In this first part of Unit 3, I’ll cover some stuff you were given before you got to high school.  You may  have forgotten it, so let’s review it.

First of all, you must know that all matter (except maybe “dark matter” that astronomers are studying) is made of tiny particles called ATOMS.  In all ordinary chemistry, those atoms cannot be broken.  These atoms are made of three “subatomic” particles called PROTONS, NEUTRONS, and ELECTRONS.  

If you have some matter that contains all the exact same atoms, you have an ELEMENT.  Elements are listed on the PERIODIC TABLE in order of increasing atomic number (number of protons in nucleus), not by their weight.

If an atom or group of atoms does not have the same number of protons as it does electrons, it is a charged ION.  Positive and negative ions attract each other, while charges that are the same repel or push away from each other.  When positive and negative charges meet, they cancel each other or NEUTRALIZE.

The individual atoms do not change or break, but they will combine with OTHER ATOMS to form COMPOUNDS (so compounds are made of at least two different elements bonded or “stuck” to each other).  This rearranging of the atoms to make or break compounds is called a CHEMICAL REACTION.  Compounds and elements are written in a shorthand called a CHEMICAL FORMULA.  We use the chemical formulas to describe reactions in CHEMICAL REACTIONS.

Examples The compound water has the formula H2O

The element iron has the formula Fe

The element hydrogen has the formula H2.  (Yes, we’ll see later that hydrogen and six other elements like to come in pairs.  They’re called the “diatomic elements.”)

The compound nitrogen trihydride (you call this “ammonia”) has the formula NH3.

The reaction between diatomic hydrogen and diatomic oxygen to make water can be written as the following chemical equation:

2H2 + O2 ( 2H2O.   Notice the extra number in front of some elements.  These are called “coefficients” that are needed to BALANCE EQUATIONS.  We must balance equations because no atoms are lost, nor changed into new atoms, during reactions.

All the atoms in matter are in constant motion.  The only time they could possibly stop would be at ABSOLUTE ZERO, but that temperature is impossible to reach.  Particles can move from place to place, or can stay in one place and vibrate back and forth.  Actually, they can do both at the same time!  The measurement of the speed (legally, the “kinetic energy”) of the particles is called TEMPERATURE.  The faster (more energetic) the particles are moving, the higher the temperature.

Temperature produces the three main “states” of matter, solids, liquids, and gases.  Gases are at the highest temperature.  The particles move in all directions RANDOMLY and without sticking to each other at all.  There is a huge amount of space between the gas particles, so gases can be easily compressed.  Liquids have particles moving in all directions RANDOMLY, but the particles are touching each other.  There is almost no space between the particles.  You can pour liquids, but cannot easilyt compress them.  Solids have the particles locked in one place.  All they can do is vibrate in one place.  The particles are locked in what we call a “crystal lattice.”  Solids cannot be poured, nor can they be compressed.

Remember, all of what I’ve written above has been given to you in previous years.

Part 2.  Working with “Error” in Chemistry

Now we begin the mathematics we need for the State Exam in Chemistry.

No matter how carefully we measure something, we could always spend some more money and measure it even more carefully.  It looks like we can’t ever win that battle.  There are two kinds of major mistakes that tend to show up in our measurements.

1. Precision.  We say our measurements are PRECISE when they are all very close to the same results every time. (You hit the same place every time)

2. Accuracy.  We say our measurements are ACCURATE when they are close to the accepted value.  (You hit what you aim at)

Imagine 3 dartboards.  On the left, the darts are precise, but not accurate





In the middle, the darts are accurate, but only on average.  On the right, you see darts that are both accurate and precise

In science, we write our numbers carefully to show other scientists how accurate or precise we are.  Calculators do not know this, and will artificially create extra numbers.  (Divide 2/3, and you get .66666666…)  That’s not legal in science.

Significant Figures is the method we use.

IF you write a number down in science, you are saying you either saw it on an instrument somewhere or you calculated it correctly afterwards.
There are several rules in your text book, but I’ll give you a short version here.

1. Any number that is not a zero (a “nonzero digit”) is said to be SIGNIFICANT (you write it down if you see it).  33.465 has five significant figures or “sig figs.”

2. Any zero to the left of a nonzero digit (a “leading zero”) is NEVER significant.  0.004 has only one sig fig, because the three zeros are to the left of that 4.

3. Any zero in between nonzero digits (a “trapped zero”) is ALWAYS significant.  5.0034 has five sig figs, since those zeros are trapped between the 5 and the 3.

4. Any zero to the right of a nonzero digit is ONLY significant IF THERE IS A DECIMAL PLACE somewhere in the number.

3.00 has three sig figs, since you see a decimal point.

400 has only one, since you see no decimal.

5. You can combine these rules.  0.0040050 has five sig figs.  There are two trapped zeros between the 4 and 5, and the zero to the right of the 5 is significant because there is a decimal somewhere in the number.

Addition/subtraction of sig figs.  To add or subtract numbers with sig figs, check your text.  Here’s a summary.

1. Line the numbers up so that their decimal points are directly above each other vertically.

2. Any numbers that “hang over” to the right must be rounded up or down.

3. Do the math.

Multiplication/division of sig figs.  To multiply or divide numbers with sig figs, check your text.  Here’s a summary.

1. Look at each number you must multiply/divide and count the sig figs

2. Whichever is the smallest number of sig figs is all you can show in your answer.

3. Do the math, and either remove digits or add zeros to make the correct number of sig figs.

Example Multiply (2.0) (3.00)

1. 2.0 has two sig figs, 3.00 has three

2. two sig figs is the smallest, so our answer can only show that

3. two times three is 6, but we need one more sig fig, so we add a zero.  Our answer in the world of science is 6.0, because we know the answer is accurate/precise to the two sig figs.

Part 3. Chem Math 

There are two types of math we’ll see all year in this class (and in all technical fields like medicine, engineering, or business).

1) Scientific Notation allows us to work with very big or very small numbers.  2)Unit cancellation (also called unit conversion or factor-label analysis) lets us change numbers in one unit to numbers in another unit.

Scientific Notation.  You have seen this in math classes, probably as EXPONENTIAL NOTATION.  A number is converted to a number between 1 and 10 (smaller than 10, but it can be equal to 1) multiplied by 10 raised to an exponent.

Example 5000 is actually 5 times 1000.  1000 is actually 103.  So 5000 in scientific notation is 5 X 103.  The great thing about scientific notation is that it makes sig figs easier.  All the “significance” is in the number, not the 10-exponent.  5000 can confuse students, but 5 X 103 has one sig fig.

 Unit cancellation. THIS IS THE MATH WE WILL USE MORE THAN ANY OTHER THIS YEAR, SO TRY YOUR BEST TO MASTER IT.  It allows you to convert from a number with one unit to a number with another unit, using fractions called “conversion factors.”  For example, you can probably do one in your head.  You could figure out that 3 feet is 36 inches.  That’s a unit conversion.  Your text does a very good job, but here’s a summary.

1. Place the known number and its unit on the left side of the problem.

2. Place the unknown number and its unit on the right side of the problem, along with an “=” sign and a little question mark to represent the number you don’t know yet.

3. Put an empty fraction right next to your known number/unit.

4. Place the known UNITS ONLY in the bottom of the fraction.  Place the unknown UNITS ONLY in the top of the fraction.  Save space for the numbers.

5. That fraction you just built is a “conversion factor.”  Find the numbers that go in it from the text or periodic table or the problem.  Somewhere, the numbers will be given to you.

6. Do the fraction math, and you’re done.

Unit 4. Mole Concept. Types of Compounds
Standards for Unit 4

Here are the state standards you must know for the Unit 4 PTS tests and the Benchmark exam.  There are NOT a lot of standards in this unit, but IT’S ALL ABOUT THE MATH of the MOLE.

This unit covers how we COUNT the tiny ATOMS that we CANNOT SEE.  Many chemists would say THE MOLE is the most important concept in the first year of chemistry.
Chemistry Standards

3 b. Students know one mole is defined as the number of atoms in exactly 12.0 grams of carbon-12. This is a basic definition we’ll learn

3c Students know one mole equals Avogadro’s Number of particles, 6.022 X 1023  This one we’ll go over and over, because it will let us see how many actual atoms are in a pile we weigh in a lab.  We will do a LOT of unit cancellation problems here

3d Students determine molar mass of a compound from its chemical formula.  This is where most of the work is in this unit.  You will get a chemical formula (Like NaCl or H2O) and learn to turn any amount of that chemical into “grams” or “moles” via unit cancellation.

Unit 4 Summary

Part 1. Counting and Weighing Atoms
Remember that matter makes both ELEMENTS and COMPOUNDS.  Elements have identical atoms within them, but compounds have different elements bonded together.  In this unit, we’ll learn how chemists actually know how many of the little atoms are in a sample they weigh in a laboratory.  It begins by a review of counting the atoms in compounds, then by weighing just a few particles of a compound.

Counting atoms .  The numbers in compounds tell us how many atoms are present.  Elements just have one or two atoms.  The element iron is Fe.  If we see it in an equation, we count one iron atom.  There are 7 “diatomic elements” that exist in pairs when they’re NOT in compounds.  The elements are hydrogen (H2), oxygen (O2), fluorine (F2), chlorine, bromine, iodine, and bromine.  When we see these in equations, we count two atoms.

It’s more complicated with compounds, which are atoms bonded together in a constant ratio (water, H2O, is always 2 hydrogen atoms for each one oxygen atom, for example).

In the example above, imagine five separate sulfuric acid molecules floating around.  The number 5 is called a COEFFICIENT.  Coefficients say how many of the entire compound you have.  The little 2 and 4 are called SUBSCRIPTS.  They count the atom directly to the left only.  So each H2SO4 has 2 hydrogens, one sulfur (no subscript equals one), and 4 oxygens.  If you have 5 total molecules, you must have 10 hydrogens, 5 sulfurs, and 20 oxygens total.  This gives us a simple rule:

To count total atoms, multiply the coefficient times the subscript.

There’s a further complication when you see the above example, which uses “multiple POLYATOMIC IONS.”  The nitrate ion, NO3-, is an ion made of more than one atom.  If we have more than one “polyatomic” in a compound, we use parentheses.  (You can find a list of the common ions in any chemistry book.)  It would be like writing CaNO3NO3, but instead we use the parentheses. To count the atoms, multiply the inside subscripts times the outside subscripts.  So in the example above (with no coefficient), there’s  1 calcium atom because it’s outside the parentheses.  There’s 2 nitrogens (2 X 1=2) and six oxygens (2 X 3=6).

Weighing Atoms and Compounds.
Once you count the atoms, you’re ready to add up the weights from the Periodic Table.  Atoms, molecules, and just a few of each are measured with a special unit called the ATOMIC MASS UNIT (amu).

To weigh atoms and compounds, just look up each atomic mass (the “decimal” number in the element box) off the periodic table and add them up.  Don’t forget to use more than one atom if there are subscripts present.
Examples.
1. The mass of one atom of Fe is 55.85 amu, because that’s the number you see on the PT (it’s easiest to round to two decimal places)

2. The mass of one atom of O, oxygen, is 16.00 amu.

3. The mass of one molecule of diatomic oxygen, O2, is 32.00 amu, because you need to add up two atoms of oxygen.

4. The mass of one molecule of water, H​2O, is 18.00 amu, because you need to add up two hydrogens and one oxygen

5. The mass of 3 molecules of H2O is 54.00 amu, because one water is 18.00 amu.  18.00 X 3 = 54.00

Part 2. Types of Compounds
There are millions of compounds out in the universe.  How do we get them down to a manageable size?  We group them in different types.  In beginning chemistry, you will see 3 main types of compounds (remember, compounds are combinations of different elements in a constant ratio).

1. Molecules  Molecules are made entirely of nonmetals and do NOT contain any polyatomic ions.  So if you have a compound made of elements on the right side of the PT (or also has hydrogen), it’s a molecule as long as you don’t see an ion in there.  Molecules are held together by a type of bond called a COVALENT BOND.  Covalent bonds are formed by ELECTRONS BEING SHARED by more than one atom.

2. Ionic compounds, which are often called “salts,” are made when metals bond to nonmetals or when polyatomic ions are found in a compound.  You can use the PT to spot these, too.  Do you see a metal bonding to nonmetals (do you cross the “metal staircase”)?  You have an ionic compound.  Salts are held together by a type of bond called an IONIC BOND.  Ionic  bonds form because ELECTRONS transfer from one atom to another.  Remember, when electrons transfer, charged “ions” are formed.  The positive cations are attracted to the negative cations, and that’s the very strong IONIC BOND. This is also called an “electrostatic force.”

3. Acids are special compounds that sort of act like 1 and 2 above.  First of all, all acids you will see in beginning chemistry START with an H in their formula.  Actually, it’s an H+ cation, so the rest of the compound is a negative anion to neutralize it.  In most cases, you can think of acids as having an ionic bond.  Acids will be very important during this year.

Examples. NaCl is an ionic compound since Na is a metal and Cl is a nonmetal (it’s Na+ and Cl- after the electron transfers).  CO2 is a molecule, since C and O are both nonmetals.  HCl is an acid, since the compound starts with H (actually, it’s H+ and Cl-).  So is H2SO4.  The only exception is water, H2O, which is still considered a molecule, not an acid.

Part 3.  The Mole

I imagine that most chemists would tell you that the “mole” is the most useful concept in chemistry, because it allows us to go from the real world of pounds and grams down to the small invisible world of atoms and molecules.  The “MOLE” is a concept chemists use so that they can COUNT the small atoms they can never see.  They picked a very weird number.  It is 602,200,000,000,000,000,000,000!  There are that many water molecules in ONE swallow of water, for example.  There are that many iron atoms in about 2 regular nails!

LEGAL DEFINITION  “A mole is equal to the number of atoms of carbon-12 in exactly 12.0 grams of carbon-12.”  That means that 12.0 grams of carbon-12 has 6.022 X 1023 carbon-12 atoms in it.  We call this important number “Avogadro’s Number.”

WORKING DEFINITION.  To find a mole of any chemical, take the formula mass in “amu” and instead use “grams”.  Use a Periodic Table to find the masses to add.

So one water molecule weighs 18.0 amu.  THEREFORE, 602,200,000,000,000,000,000,000 water molecules weighs 18.0 grams.  

One iron atom weighs 55.9 amu.  THEREFORE, 602,200,000,000,000,000,000,000 iron atoms weighs 55.9 grams.

We get tired of saying 602,200,000,000,000,000,000,000.  Instead, we say “MOLE.”  It’s exactly the same as saying “dozen” instead of “12.”  The number is bigger, but it is the identical idea.  A mole is a word that means a number.  A dozen is a word that means a number.

When we find the weight of one particle in amu, we usually call it a “formula” or “atomic” mass.  When we find the weight of 602,200,000,000,000,000,000,000 (a mole) of particles in grams, we usually call it a "molar mass.”

Example1

Problem What is the “molar mass” and “formula mass” of silver nitrate, AgNO3 ?

Solution  Add up one silver, one nitrogen, and three oxygen atoms to get 169.9.  Now to find FORMULA MASS (the mass of just one unit of AgNO3 ) just say 169.9 amu

Now to find MOLAR MASS ( the mass of  6.022 x 1023 units of AgNO3) say 169.9 grams

Example 2
Problem What would 3 atoms of iron weigh?

Solution  These are all “Unit Cancellation” problems.  From your periodic table,  you can see that              1 Fe atom = 55.9 amu.



(3 atoms Fe)  ( 55.9 amu)    =     168 amu Fe


        ( 1 atom Fe)

Example 3
Problem  What would 2.40 moles of iron weigh?

Solution  From your periodic table, see that 1 mole Fe = 55.9 grams   (see the “working definition” above)


(2.40 mole Fe)   (  55.9 grams)   =   134 grams Fe

                           ( 1 mole Fe   )

Example 4
Problem If you had 321 amu of sulfur, how many atoms would you have?

Solution From your periodic table,  1 atom S = 32.1 amu

(321 amu  S  )   (  1 atom   S   )   =   10.0 atoms S

                           ( 32.1 amu S  )

Unit 5.  Ions and Solutions.  Chemical Equations
Standards for Unit 5

Here are the state standards you must know for the Unit 5 PTS tests and the Benchmark exam.  We review some standards from Unit 4, and place the mole into chemical equations.
3 a. Students describe chemical reactions by writing balanced equations.  This the biggest part of the unit, and we will spend most time on this.  You’ve seen this in middle school, but now we have more detail.

2a Students know molecules are formed when atoms share electrons to form covalent (or metallic) bonds AND that ionic coumpounds are formed when atoms exchange electrons to form ionic bonds.  We’ve already covered this in Unit 4, but now we will add some more names.

2b. Students know that chemical bonds between atoms in molecules, including many large biological molecules, are covalent.  You are going to start seeing some big chemical formulas soon.  These are usually big molecules, even the ones that are acids.

2c Students know that salt crystals are repeating patterms of positive and negative ions held together by electrostatic interaction.  We have talked about this several times this year, but will now add the correct terms for “positive” and “negative” ions.

6b. Students describe the dissolving process at the molecular level by using the concept of random motion.  We will see this idea a lot when we talk about solutions, but now we begin by talking about what happens when you toss a salt into water.
Unit 5 Summary

Part 1. Standards 2a, 2b, 2c, and 6b

From our previous talks, recall that ionic compounds are tons of positive and negative ions arranged in a pretty “lattice.”  Pluses are surrounded by minuses, and minuses are surrounded by pluses so that they all cancel out to make a neutral crystal.

Now, we put a few names in.  ALL positive ions are called “cations.”  ALL negative ions are called “anions.”  So now, we can say that solid ionic compounds are formed by large crystals of repeating cations and anions. (They got their names for battery reasons.  Inside a battery there are lots of ions to carry current.  The positive ones move to the “cathode” in a battery and the negative ones move to the “anode.”  That’s why they got their names.)

We have also talked about electrons being SHARED in covalent bonds.  These make compounds called “molecules” and they’re nearly always made of nonmetals only.  (We’re going to see SOON that the electrons aren’t always shared equally, and that means one end of a bond is more negative than the other side.)  We’ll call this a POLAR covalent bond.

Another way to spot these molecules is when they have huge formulas, like C12H23O12, which is a formula for a sugar.  When we see big drawings of compounds showing how they’re stuck together called “Lewis Structures” (note; that’s Unit 6), we’ll see they’re nearly all molecules.  You’ll see lots of repeating atoms and therefore you might think it’s a salt, but you WON’T see any ions.  Just mainly nonmetals.

Back to that ionic compound (cations and anions attracted to each other).  What should happen when we put them in water?  Well, we “SEE” the salt go away, but we can still taste the salt.  It must still be there, but that pretty crystal has gone.  What happened?  Water molecules are FAMOUS for not sharing electrons well, so they have a positive and negative end.  We say water is “polar.”  When you put many salts into water, the negative end of several waters “attack” a positive ion from the salt crystal and carry it away into the water. The positive end of several waters attack negative ions (anions) and carry them away.

We call this process “dissolving” and the salt-water mixture it produces is called a “solution.”   The salt is called the “solute” and the water is called the “solvent.”  More later in the year on this.  So salty water like the ocean has all those ions traveling around in many directions (randomly).  All the cations and anions move around freely in the water, no longer “stuck” in a crystal lattice.  Since they can move, that’s why salt water can conduct electricity, but pure distilled water is actually an insulator of electricity!  Distilled (pure H2O) water contains neutral molecules only, no charged ions that can carry electricity.  When you let salt water sit for months or many days, the water will evaporate off and leave the ions behind. The cations and anions will once again form the crystal lattice of repeating ions.  

Part 2. Equations and Reactions  Standard 3a

Why do we study Chemistry at all?  Good question, and this standard explains why.  We study Chemistry because we can tell AHEAD OF TIME what chemicals are going to do, and HOW MUCH they will do it.

When chemicals bounce in to each other (“collide”), whether as gases, liquids, solids, or solutions, most of the time the particles do nothing, and bounce off unchanged.  That’s why you don’t burst into flames right now as oxygen molecules smash into your skin.  Most collisions between atoms are “unproductive,” so nothing happens.

But if particles collide with the RIGHT SPEED (energy) and at the RIGHT ANGLE, they can break their original bonds and MAKE NEW COMPOUNDS.  That’s what chemistry is all about…making new compounds from old ones.  When this happens, we say a “reaction” has occurred.  Often, there’s heat, light, or bubbles.

So how do we write down on a piece of paper what happened in the reaction?  Pretty simple.  We write the formulas for the chemicals before they react (called REACTANTS), then draw an arrow, and finally write the formulas for the chemicals after they react (called PRODUCTS).  We now call this “written description of a reaction” a CHEMICAL EQUATION.


Example 1.  When hydrogen, H2, and oxygen, O2, react, a violent explosion occurs and water, H2O, is produced.  What is the chemical equation?

H2 + O2 ( H2O

There’s more, of course.  We can even show what states the chemicals are in during a reaction by using little extra subscripts in little parentheses:

solid is (s)

liquid is (l)

gas is (g)

dissolved in water is (aq), which is short for “aqueous”


Example 2. When solid sodium, Na, is mixed with gaseous chlorine, Cl2, another explosion results and solid sodium chloride, NaCl, is formed

Na(s) + Cl2 (g) ( NaCl(s)

Look carefully at both examples.  Something should look “funny.”  Do you see it?  There’s not the right number of atoms on both sides.  In Example 1, where does that extra O go?  In Example 2, we seem to have lost a Cl.

The last thing we have to do when writing equations is called “Balancing Equations.”  There are lots of explanations in your books, on the net, and in videos.

The most important thing when balancing equations is that you ONLY change coefficients, NEVER change subscripts.  In other words, once you write down the chemical formulas, you can’t change them.  You can only change HOW MANY of each you use.

It’s VERY important to realize that during these “ordinary” chemical reactions. the atoms don’t change into new types of atoms.  They just rearrange into different compounds.


Fixed Example 1 
2H2 + O2 ( 2H2O 

Fixed Example 2  2Na(s) + Cl2 (g) ( 2NaCl(s)
If you count the atoms on both sides of the equations, you’ll see that they now match.

Unit 6 Solutions/Dissolving.  Lewis Structures
Standards for Unit 6
Here are the state standards you must know for the Unit 6 PTS tests and the Benchmark exam.  We’ll start learning to draw molecules using a process called “Lewis Structures.”
1d Students know how to use the Periodic Table to determine the number of electrons available for bonding. This means you look up the family number (using the 1A-8A, not 1-18 system) of the element you want, and the family number IS the number of electrons available

2e Students know how to draw Lewis dot structures.  This will take most of our time.  Lewis structures show us how the atoms in a molecule fit, and show us how all the outside (“valence”) electrons fit.

6b. Students describe the dissolving process at the molecular level by using the concept of random motion.  We’ve already done this in Unit 5, so we’ll review it.  The important part is that once a solute dissolves, the particles move around independently.  

Unit 6 Summary

Part 1.  Solution and Periodic Table Review
Remember that the reason most things dissolve is that something attracts the solvent particles and solute particles.  For salts and water, for example, the “polar” water molecules surround each positive and negative ion in the crystal and carry the ions away.  So particles that are in solution are moving around randomly.  AND salts that are in solution are doing so as randomly moving CHARGED IONS, not as neutral salt crystals.

This is true of gases as well.  The particles are independent of each other and are moving around randomly.  SOLIDS are the only state of matter where the particles are locked in place.

Also, remember that the Periodic Table (PT) is arranged in order of increasing atomic number.  The atoms that want electrons the most (“electronegative”) are the NONMETALS, and the very most electronegative atoms are in the upper right hand corner, ignoring the noble gases.  For example, fluorine is the most electronegative element of all, followed by oxygen, then chlorine.  Your text will give you a table to look up the electronegativity of any element.  (Hint; I think of electronegative as “electron-hungry” instead.  High electronegativity means an element wants to “eat” and hold on to the electrons!)
The Periodic Table has vertical Families or Groups and horizontal Periods.  The families can be numbered from 1-18, or more commonly, just the “mountain” main groups are numbered from 1-8 (1A – 8A).  If you use the “A” system, the family number is also the number of “valence electrons” an atom has on the outside that are available for bonding.  We MUST have that information in Part 2 below to draw the structures of molecules using “Lewis Structures.”

Part 2. Drawing Lewis Structures.
As you look at just about any chemistry book, you’ll see pictures of element symbols connected by little lines.  Example below is water, H2O


This is called a Lewis Structure, and it shows us two very important things: 

1. the way the atoms are arranged (notice that the hydrogens are on the “outside”, for instance) 

2. how all the valence electrons are being shared.  For example, once you get good at it, you’ll be able to look at at the Lewis and see how many electrons are involved.  That Lewis above has 8.

You’ll need to use your textbook for a lot of practice, but here’s a short summary of the steps involved in drawing a Lewis structure

1. Look at the chemical formula and use the Periodic Table to count all the valence electrons. Example NH3 has 8 valence electrons, because you have 1 family five and 3 family ones present.  5+1+1+1=8.  When you are done with your Lewis, you must show what all 8 of those electrons are doing in the ammonia molecule, NH3.

2. Hypothesize (take an educated guess) at a “skeleton structure” of how the atoms are connected.  Most texts DON’T give you the helpful hints I give below, which you should follow IN ORDER for best results:

a. Do you see any hydrogens?  They are ALWAYS on the outside.  No exceptions.  Therefore, they always only bond once.  If ever you draw a Lewis where hydrogen atoms bond more than once, you have it wrong.

b. Do you see more than one oxygen atom?  They SURROUND anyone else except hydrogen (it’s on the outside, even of oxygens)

c. Do you see carbon?  Carbon loves to be on the inside, and loves to form chains.  If you see two or more carbons, stick them together and build from there.

d. If the above rules don’t help, look at electronegativity.  The more electronegative atom will usually go on the outside.

e. Finally, use the “8 – Family Number” rule if nothing else is around to help.  For instance, look at nitrogen.  It’s in Family 5.  8-5=3.  If nothing else is helping, try to make nitrogen bond three times (unless one of the above rules works first).

3. The skeleton structure now has a lot of lines connecting the atoms.  Each line is a covalent bond containing two electrons.  So now subtract two electrons from your original (step 1) pile of valence electrons for every bond you have in the skeleton structure.

You will have some left over electrons.  Spread them around as “lone pairs” of dots so that everyone except hydrogen contains 8 electrons.

The lines are called “shared pairs,” the dots are called “unshared” or “lone pairs.”

The textbook goes into a lot more detail, so work through the examples the author provides.

Unit 7. Stochiometry and Molarity
Standards for Unit 7

Here are the state standards you must know for the Unit 7 PTS tests and the Benchmark exam.  We’ll start learning to used balanced equations and moles together.
3e. Students know how to calculate the masses of reactants and products in a chemical reaction from the mass of one of the reactants or products and the relevant atomic masses. This is MOST of this unit.  It means you have to 

a. calculate molar masses

b. balance equations

c. combine those two skills so that you can PREDICT how much of one chemical you will get if you are told about a DIFFERENT chemical.  You need to do that for both moles and grams

6a. Students know the definitions of solute and solvent. We’ve already done this, so it will be a fast review.

6d. Students know how to calculate the concentration of a solute in terms of molarity.  This is the main way chemists talk about how much solute you have dissolved in a solution.  Not too bad, just one little equation to know!

Unit 7 Summary

Part 1. Molar Mass Review. Mole-gram conversion review

In this unit, we’ll cover some applications of the MOLE in chemistry.  

1.The mole concept allows us to change chemicals during reactions.

2. The mole concept is used for our most common concentration unit.
First, let’s do a quick review from first semester.  MOLAR MASS is the weight (mass, of course is more correct) of one mole of any chemical (that means 6.022 X 1023 particles of that chemical).  The unit of molar mass is “grams per mole, g/mol.”  FORMULA MASS is the mass of just one particle of the chemical, and it’s so light, we can’t use grams.  We instead use the unit “atomic mass unit, amu.”

To find formula mass or molar mass, the math is identical.  Take the chemical formula, grab a Periodic Table, look up the weights of each atom (the decimal number in the box for the element), and add ‘em up.

Let’s review Unit Cancellation, which is the way we change from a number in one unit to a number in another unit.  For example, 60 seconds (a number in one unit) is 1 hour (a number in another unit).

Recall that you put the known number/unit on the left, the unknown number/unit on the right, and leave a big space in the middle for fractions called “conversion factors.”  To do the math, you do fraction arithmetic.

Part 2.  Mole Ratios, Equations, and changing chemicals (STOICHIOMETRY)

“Stoichiometry” is a scary word that means “using fraction ratios to see how much of one chemical you need to work with in order to get a certain amount of another chemical.  It’s probably the most common thing done in chemistry.  You do stoichiometry when you follow a cookie recipe!)

Let’s look at a famous chemical equation from early in the last century (this is the Haber Process, and it’s still used to make fertilizers to feed the world).  One molecule of nitrogen gas reacts (smashes into and then rearranges) with 3 molecules of H2.  After they react (rearrange), 2 molecules of ammonia, NH3, are formed.  Here’s the chemical reaction.

N2 + 3 H2 ( 2 NH3
A common student mistake is to think that the numbers in FRONT of each chemical (the “coefficients”) are weights.  Think about it.  That would mean 1 pound plus 3 pounds makes 2 pounds.  Yeah, no!!

THE COEFFICIENTS IN FRONT OF EACH CHEMICAL TELL HOW MANY OF EACH CHEMICAL IN THE REACTION, NOT THE WEIGHT OF THOSE CHEMICALS
So that means you have a N2:H2 “mole ratio” of 1:3 in this reaction.  If you used 10 N​2’s, you need 30 H2’s to keep the ratio right.   If you used 100 N2’s how many H2’s do you think…sure…300. We will use this ratio as a FRACTION for unit conversions, and we’re doing stoichiometry!

Example 1.  7.5 moles of N2 should require how many moles of H2 to react?

Look at the solution below and see how the “mole ratio” turns into a fraction


(7.5 mol N2)  ( 3 mol H2 )   =  (22.5 mole H2)

                      (  1 mol N2 ) 

Example 2.  42 moles of NH3 must have come from how many moles of H2 ?

(42 mol NH3)  ( 3 mol H2 )   =  (63 mole H2)

                      (  2 mol NH3 )

So to make a “mole ratio” you can use in changing chemicals (“STOICHIOMETRY”), just use the coeffients in the balanced equation.

Now, we combine our skills in going from  grams to moles of just one chemical to the skill we just used in going from moles of one chemical to moles of a new chemical.

Now, we’ll wrap this up with a HUGE skill for the state test and for all chemistry: the ability to go from GRAMS of one chemical in a reaction to GRAMS of another chemical.  It’s a three-step process I’ll show you.

Example 3. 56 grams of N2 should require how many grams of H2 to react?  (This is a 3-step process.  You need to convert the grams of the first chemical to moles.  Then you convert the moles of the first chemical to moles of the second chemical.  Finally, you convert moles of the second chemical back to grams of the second chemical.)

(56 g N2)  ( 1 mol N2 )   ( 3 mol H2 )   (  2 g H2 )    =  (12 g H2)

                 ( 28 g N2 )     ( 1 mol N2 )   ( 1 mol H2 )    


Notice how the numbers from Steps 1 and 3 come from a Periodic Table as you add up the atomic masses.  The numbers for Step 2 come from the coefficients in the balanced equation.

Part 3. Molarity

How do we know HOW MUCH of a SOLUTE has been placed into a given SOLVENT to produce a SOLUTION?  If it’s iced tea, you can take a drink.  “Wow.  Too much sugar.”  You know there was too much solute (sugar) added to the solvent (water) to produce the solution (tea).

Lots of dead chemists if we started tasting these things!  Instead, we use the concept of MOLARITY to determine how much solute is in a solution (and we always assume the solvent is water).

Molarity is defined as the amount of moles of a solute dissolved in 1 liter of solution.  It is abbreviated with a capital M.

  
            (Moles Solute)

M  = ----------------------------

           (Liters of Solution)

Example 1.  What is the molarity of 0.500 moles of NaCl dissolved in 2.00 L of solution?

                      ( 0.500 mol NaCl)

M  = ----------------------------  =    0.250 M NaCl
                      (2.00 L soln)

This is pronounced “0.250 molar NaCl.”  The word “Molar” means Moles per Liter to a chemist.

It’s a little tougher if they give it to you in grams of the chemical or mls of solution, but just use your Periodic Table to convert those grams to moles first, then plug into the equation.

Example 2.  What’s the molarity of 60 grams of NaCl dissolved in 2500 mls of solution?

From your Periodic Table, see that NaCl’s molar mass is 40 g/mol.  From unit conversion basics, see that 1 liter is 1000 ml.  Convert both of those and get 1.5 mols NaCl and 2.5 liters solution.

                      ( 1.50 mol NaCl)

M  = ----------------------------  =    0.600 M NaCl
                      (2.500 L soln)
Unit 8. Energy and Heat Flow
Standards for Unit 8
Here are the state standards you must know for the Unit 8 PTS tests and the Benchmark exam.  We’ll start learning to used balanced equations and moles together.
4d Know the meaning of STP.  This is a certain set of conditions we use when studying gases.

4e, f Know how to convert between Celsius and Kelvin.  Just a math equation.

7a Know how to describe temperature in terms of particles.  This means that you know what the little atoms and molecules do when the temp changes.

7b Know exothermic and endothermic reactions and understand energy diagrams.  These are some diagrams and definitions to learn.

7c,d Know energy flow and calculate specific heat equations.  This is the toughie, but we do at least get to learn about calories!

Unit 8 Summary

Part 1. Energy

“Energy” is the “ability to do work.”  “Work” is using a force to cause something to move.

If you are doing work right now, your energy is called “kinetic,” because you are moving.  If you have the ability to do work at another time, your energy is called “potential.”  Chemical bonds are potential energy, because they could make something move.  (When the bonds rearrange in the gas molecules, your car moves down the street.  So the gasoline molecules have potential energy.  Whatever comes out of the gas pipe has LESS potential energy, since it was used to move the car.)

It ALWAYS takes energy to break an existing bond, and it ALWAYS releases energy to make a new bond.  When you drive your car, you add some energy to break the bonds in the gas, but the new bonds made by the exhaust gases release way more energy.

Part 2. Temperature

All evidence we have gathered tells us that matter is made of little particles called atoms.  They are constantly moving, some faster than others.  “Temperature” is what we call the measurement of how fast the particles are moving.  Particles can be moving even when they're staying in one place.  Haven’t you ever stood in one place and shivered?  You were still moving.  (Legally, you should think of temperature as the average kinetic energy of all the particles in a sample, but you can just make it simple by thinking that temp is a “molecular speedometer.”)

Temperature is commonly measured using one of three “scales” called Fahrenheit, Celsius, and Kelvin.  Scientists rarely use Fahrenheit.  

Celsius. Celsius is most common.  Water boils at 100o C and freezes just above 0o C.  “Standard Temperature and Pressure” is abbreviated STP, and it’s where most scientists like to begin experiments.  STP is defined as 0 oC and 1 atmosphere (atm) of pressure.  We’ll work more with STP in Unit 9.

Kelvin.  What would happen if all the particles stopped moving?  Wouldn’t that be the coldest anything could get?  We call that ABSOLUTE ZERO, and that’s where the Kelvin scale begins.  0 K (pronounced “zero Kelvin”) is absolute zero.  It’s equal to –273o C and –459o F!  Wow.  Pretty cold, but that’s the lowest temperature goes.  There are no temperatures lower than 0 Kelvin (or of course –273o C!!

The equation that converts between K and oC is   K = C + 273, just a simple addition equation

Part 3. Temperature Movement…Heat

When something hot (fast particles) touches something cold (slow particles), the fast particles smash into the slow particles and slow down a little.  The slow particles speed up a little.  What happens when you put an ice cube into a cup of tea?  The hot tea particles smash into the cold ice particles.  The ice warms up, the tea cools down.  This is called “collision theory.”

Whenever energy (usually in the form of heat) goes INTO something, that is called an ENDOTHERMIC process.

When gases condense or liquids freeze, it’s because energy has left them and made the particles go slower.  Whenever energy (usually in the form of heat) LEAVES something, that is called an EXOTHERMIC process.

This is shown on graphs as something called “energy diagrams.”  We graph energy on the vertical axis and time (or “reaction coordinate”) on the horizontal.  You must learn to recognize exothermic and endothermic energy diagrams.  It’s pretty simple to remember.  Endothermic diagrams run UPHILL from reactants to products, and exothermic diagrams run DOWNHILL.  There is always a small hump at the top of both diagrams that represents that little bit of energy you have to give to get things going (like when you strike a match).  That’s called “Activation Energy, Ea “.  The change in energy is usually listed as “(H,” which means “the change in heat.”





EXOTHERMIC processes have a negative number for (H, and ENDOTHERMIC processes have a positive (H.

When you put that ice cube into hot tea, energy flowed from the hot tea into the cold ice cube.  We call that type of energy (that flows when things at different temperatures touch) “HEAT.”  That means heat only exists when things at different temperatures touch.  Heat is a flow, not a temperature.  Heat is measured in “calories” in most of the world, but scientists measure it in “joules” because joules is a unit for any type of energy.

Part 4. Calculation of Heat Flow

The Heat Flow Equation is one of two math skills you need for this unit.  It’s a scary looking equation, but it’s simpler than it looks.  Heat flow is equal to three things multiplied together.

Heat Flow = (How well the chemical accepts heat) X (how much of the chemical you have) X (how much you let the temperature change)

q = (SH) (m) ((t)

SH is “specific heat” and it measures how well heat goes in or out.  The lower the number, the easier heat moves in or out.  Water has a high specific heat, so that’s why it takes so long to boil it.  You will be given SH values on the test, and they’re in the chapter, too.

m is just the mass in grams

(t is pronounced “delta t” and it’s the change in temperature.  You find it by subtracting the BEGINNING temperature (“initial”) from the ENDING temperature (“final”). (t = tf – tI
Example
How much heat flows out of 10 grams of iron (SH = 0.45 J g/C) if the temperature goes to 15 oC when it starts at 25 oC?  Answer is -45 joules, because the delta t is –10 oC, the SH is 0.45, and the mass is 10.  (0.45)(10(-10) = -45

Part 5. Heat Flow During Melting/Boiling.

Here’s the last topic in this unit.  When a solid melts or a liquid boils to make a gas, we call it a “phase change” or a “change in state of matter.”  The math involved is different, because the heat during phase changes does something funny.  So we need to study the math of phase changes (of melting/boiling)

Have you ever noticed that once water boils, it does no good to leave it on the stove?  The water doesn’t get any hotter, it just boils away.  Believe it or not, the same thing is true for freezing.  Adding more ice to a McDonald’s drink that already has a bunch of ice doesn’t do any good.  It will just stay the same temperature longer.  Doesn’t it seem weird that a pot of water sitting under a fire doesn’t get any hotter, now that you think about it?  It’s because that energy is “hiding” by just making the liquid water turn into a gas.  The scientific word for “hidden” is “latent.”  It’s the second math skill you need for this unit.

So when water is boiling (or any chemical is boiling), it has a “latent heat of vaporization,” which we could call “hidden heat of boiling.”  It’s abbreviated (Hvap.  

When ice cubes melt, there’s also a “latent heat of fusion,” which we could call “hidden heat of melting.”  It’s abbreviated (Hfus.

TO find out how much heat is used to boil some water, or to melt some water you just mutiply the delta H by the grams of the chemical used (usually water)

Example
How much heat is needed to melt 25 grams of a chemical that has a (Hfus of 100 J/g?  Answer is 2500 J.

Unit 9.  Gas Laws and Kinetics
Standards Unit 9

CA 4a Understand Random Motion   This means you know that gas and liquid particles aren’t stuck to each other, but instead move in random directions

CA 4b Understand Diffusion.  Because of that random motion, gases and liquids move around via a process called “diffusion.”

CA 4c  Know How to Use Ideal Gas Law We’ll practice this, but it’s one equation that explains the four things gases do.

CA 4d  Know STP This is a straight definition of a common temperature and pressure used to study gases

CA 2d Know randomness of liquids vs solids.  You know that particles in solids are LOCKED in a “crystal lattice,” so cannot diffuse like gases and liquids.

CA 6c Know temp, pressure and surface area affect the dissolving process.  This means you know the three things you can do to make a solid dissolve more quickly, and why gases act differently.

Unit 9 Summary

Part 1.  Atomic Theory and the 3 states of matter.
Remember, the Atomic Theory tells us that “all matter is made of small particles called atoms.”  In this unit, we’ll use the Atomic Theory to explain how gases, liquids, and solids interact.  We’ll especially focus on how gases behave.

We’ve already learned that particles in gases AND particles dissolved in solution move around randomly.  So if you open a bottle of perfume in a room, the particles will spread out all around, and you can smell perfume everywhere.  We call this movement by random direction DIFFUSION.  Gases diffuse pretty fast because there’s so much empty space between particles.  Liquids diffuse, but much more slowly.

But what makes liquids and solids in the first place?  If there’s so much gas in the universe and our air, why are there solids and liquids (called “the condensed states”)?  It’s because all particles have a little “desire” to stick together.  When they’re moving fast, like in gases, they don’t have a chance to stick.  When they cool off and move slowly, they can form solids and liquids.  These forces are called “INTERMOLECULAR FORCES.”  

So, solids and liquids have strong intermolecular forces, and gases have very weak ones.  Those strong forces are what pull the particles close enough to form solids and liquids  Solids have the strongest of all, and even lock the particles into a “crystal lattice.”  At STP, there are several gases that include many of the light nonmetals like oxygen, fluorine, nitrogen, and the noble gases.

To summarize, then, we say that particles will remain a gas, moving randomly, unless they slow down enough to “notice” their attractive intermolecular forces.

Part 2. When you mix gases, liquids, and solids (SOLUBILITY and KINETICS)
Why does sugar or honey mix into water?  How can fish get the oxygen gas they need while they’re under water?  Both of these questions are answered by thinking about the particles again, darn it!

Solids and liquids, when they dissolve in water (or any solvent), do so by the particles of the solvent surrounding each solute particle and carrying it off randomly into the solution.  Since the solutes were ORIGINALLY solids or liquids, they must have pretty strong intermolecular forces.

(SOLID_LIQUID SOLUBILITY) In order to make solids or liquids dissolve FASTER (we call the study of reaction speed “kinetics”), we can do one of three things that help the particles crash into each other either more often or with more energy!

1. Heat them up.  That makes the particles smash harder and makes it easier to get the particles into solution (high temperature = high kinetic energy or speed).

2. Stir them.  That makes the particles smash into each other MORE OFTEN so they have a better chance of getting into solution.

3. Grind them up (increase SURFACE AREA).  This is why powdered sugar dissolves so fast.  When you increase surface area, you increase the chance for the solute to touch the solvent, so the dissolving is faster.

(GAS SOLUBILITY).  Things are a little different for gases, because they don’t have the strong intermolecular forces.  If you heat them, they “want” to be a gas again, and leave!  If you stir them, you get them to the top so they can leave (ever shake up a can of Coke?).  The only ways to increase the amount of gas that dissolves are to COOL THEM OFF or INCREASE THE PRESSURE.
Part 3. Explaining how gases behave via the IDEAL GAS LAW, PV=nRT
Gases are neat things.  There are just 4 things that explain how they act, and we’ve learned that all four things fit into one simple equation.  Of course, the equation looks scary, but isn’t if you go slowly.  (When you read the book, you may find the author talking about Boyle’s, Charles’s, and Avogadro’s Law.  The Ideal Gas Law contains all these in one.)

PRESSURE (P) is how hard the particles are smashing into the walls of the container holding them.  A basketball stays inflated because it is full of particles crashing into the inside walls of the ball.  Gas pressure is measured with a special instrument called a “barometer” in the units “atm” or “mm Hg.”
TEMPERATURE (T) is how fast (how much kinetic energy) the particles are moving.  It’s always measured in KELVIN
VOLUME (V) is how much space the gas takes up.  It’s measured in LITERS
AMOUNT(n)  is how many MOLES of gas particles you have.  One MOLE of ANY GAS at STP occupies a space of 22.4 liters!  (about 11 and half big Coke bottles)

These four variables fit into one equation with a “constant” R tossed in to make all the numbers work.

PV = nRT
We’ll review the ideas in this equation, but there’s a simple way of saying it.  IF YOU LOOK AT ANY TWO VARIABLES AT A TIME.   “R” is a constant, so you don’t have to worry about it. 

“If the two variables are on the SAME side of the equal sign, they do the OPPOSITE THING.  (they call this “inverse proportion” in your math class.)

“If the two variables are on the OPPOSITE SIDE of the equal sign, they do the SAME THING.  (direct proportion)

Unit 10.  Equilibrium – Carbon Basics – Acids/Bases
Standards Unit 10
This is the LAST unit before the CST exam.  We place three very different topics here, just as a “catch-all” before the exam.  Unit 11 is a CST Review Unit where we practice all the different topics you’ll see on the exam.

CA 5a acid/base properties.  You know the main properties of acids versus bases

CA 5b acids as proton donors, bases proton acceptors.  This is a new way of thinking about acid/base called “Bronsted-Lowry” theory

CA 5c acid/base strength by dissociation amount (and electrical conductivity).  Strong acids and bases conduct electricity very well.

CA 5d pH scale to characterize acidity/basicity.  You understand that acids have low pH and bases have high pH numbers.

CA 9a LeChatelier’s as affected by concentration, temperature, and pressure. You can see what happens when you change an equilibrium system.

CA 9b Equilibrium happens when forward and reverse reactions rates are equal.  You know this definition of chemical equilibrium.

CA 8a rate of reaction means decrease in reactants and increase in products
CA 8b reaction rates and concentration, temperature, and pressure.  You know how reactions speed up or slow down.

CA 8c Catalysts increase reaction rate by lowering Ea but do not affect equilibrium position. You can look at an energy diagram and see how Ea is affected by a catalyst, and you explain how catalysts work.

CA 10a large biological molecules are made of repeating patterns of smaller subunits
CA 10b carbon bonds covalently to make all the large molecules (not ionic).  You know that carbon is a very famous COVALENT bonding element, and is one of the most important elements necessary for life.

CA 10c amino acids are the building blocks of proteins and nucleotides are the building blocks for nucleic acids.  These smaller “monomers” make up the bigger molecules of life.

Unit 10 Summary

Part 1.  Equilibrium and Reaction Rates
Up to this point, you have learned that reactants smash into each other (collide) to rearrange and form products.  That’s definitely true…but there’s more to the story.  The PRODUCTS keep smashing into each other, too, because they’re above absolute zero.  So sometimes, the products fall back apart and become the reactants again!  Weird, huh!  So in any reaction, both the FORWARD and REVERSE reactions are occurring.  If you wait long enough, the forward and reverse reactions will be equal and you will have reached something we call EQUILIBRIUM.  (That’s actually equilibrium’s definition: when the fwd and rvs reactions are equal.)

If at equilibrium, you have lots of PRODUCTS and very few REACTANTS, we say the “products were favored.”  You can fiddle with equilibrium, however, in one of three ways, and the system will try to come BACK to equilibrium.  This “want to come back to equilibrium” is called LeChatelier’s Principle.
1. Change Temperature.  Exothermic reactions don’t like heat to be added and will run backwards.  Endothermic reactions will run forwards if you add heat.

2. Change Pressure.  This ONLY occurs for gases.  If you INCREASE the pressure, the system will go to the side with the LEAST moles of gas particles.  So when you see these, look at the balanced equation and count the total number of MOLES of GAS on both sides first.

3. Change Concentrations.  This is the most common change we do.  The system will ALWAYS move away from any added chemical, and toward any removed chemical.  So if  you add some reactants, the products will be favored and the reation goes forward, for example.

But how FAST do reactions happen?  That’s a branch of chemistry called KINETICS.  First, we need to DEFINE the term “reaction rate.”  Reaction rate can mean one of two things

1. How fast the reactants are disappearing over time, OR

2. How fast the products are appearing over time

Commonly, we show this as a graph of concentration versus time.  In AP Chemistry, we do all sorts of neat math at this point with those graphs.

To finish this part, we’ll revisit catalysts (remember from Unit 8 that catalysts work by LOWERING the ACTIVATION ENERGY).  Catalysts make things happen faster, but in both directions!  So chemists like to say that catalysts have NO effect on equilibrium (when the forward and reverse reactions are the same), but they just GET THE REACTION THERE FASTER!  Also, it’s important to remember that catalysts are reusable, which means they don’t get used up during a reaction.
Part 2. Carbon Chemistry
The MOST IMPORTANT THINGS to know about carbon:

1. it bonds COVALENTLY (it shares electrons) and therefore forms MOLECULES, not salts

2. it is happy to form VERY LARGE CHAINS of molecules called “polymers”

3. it is happy to form rings of carbon atoms

4. it is responsible for living molecules and most other large plastics.

So any time you see carbons in a compound, you KNOW they are linked by sharing electrons with each other (that’s a covalent bond)

Remember PROTEINS in biology last year?  They’re made with a carbon backbone of AMINO ACIDS.  For example, hemoglobin, the protein that carries oxygen in your red blood cells, is made of about 575 amino acids linked together to make a big chain.

Plastics are the same way.  Most of them are “poly”-something.  Gallon water bottles are polyethylene.  You could actually call proteins “polyamino acids!”

So carbon is happy to make these large polymers from smaller repeating “subunits” chemists call “monomers.”  Starches, fats, plastics, vinyl, even cellulose are all large molecules made from small parts.  Carbon is the reason you are alive, because you are made of big molecules (mainly fats, proteins, nucleic acids, and sugars).

Part 3 Acids, Bases, and Salts
We’ve learned that ACIDS are chemicals that produce H+ in water and BASES are chemicals that produce OH- in water.  When acids and bases are mixed, the H+ and OH- combine to make water.  The leftover ions form a salt!  Now we will expand on that simple “Arrhenius” definition we learned earlier in the year.

Acids and bases are measured on  “pH scale” which runs from 0 to 14.  Your book will have a nice picture.  The number 7.0 is right in the middle, and that’s halfway between an acid and a base, so we call it NEUTRAL.  

1. FROM 0 to 6.999999… is an ACID.  The LOWER the number, more more acidic.  Pool acid is very close to pH zero, as is the acid in the battery of your car.  Soda pop has a pH around 5.

2. FROM 7.0000001…is a BASE.  The HIGHER the number, the more basic.  Most soaps are around pH 8-10.  Drano drain cleaner is about pH 13.  Your blood and eyeball fluid is around pH 7.3, just like the ocean and like swimming pools.

Acids and bases have certain properties you must know for the exam.  I’ll bet you already know some of them!

1. Acids are sour (think of lemons), very corrosive, attack metals, and turn litmus red (think aced-red)

2. Bases are bitter (ever had your mouth washed out with soap), very slippery, and turn litmus blue (think base-blue)

Acids and bases can be “weak” or “strong.”  Here’s the info on each.

1. STRONG acids and bases LOVE to completely fall apart in water as ions (they make very good solutions) and therefore produce LOTS of H+/OH- ions and salts in water.  The words that mean “fall apart in water as ions” are DISSOCIATE or IONIZE.  We say strong acids/bases fully dissociate in water.  Since they make a lot of ions, they conduct electricity very well and are called STRONG ELECTROLYTES.  If you stick a strong acid or strong base into a beaker that has a light bulb in it connected to some electrical circuit, the light bulb will light up VERY BRIGHT.  Lucky for us, there are only a few strong acids and bases.

2. WEAK acids and bases are really common.  The acids in the candy, vinegar, your orange juice, or even your DNA are weak!  Weak acids/bases DON’T like to fall apart in water.  We say weak acids/bases only partially  dissociate in water.  Instead, they hang on to their H+/OH- ions and stay NEUTRAL without lots of ions in the water.  If you stick a WEAK acid/base into a beaker that has a light bulb in it, the light bulb will light up VERY DIMLY if it lights up at all.  Since they don’t make many ions, they don’t conduct electricity very well and are called WEAK ELECTROLYTES or even NONELECTROLYTES.

Finally, we have to move away from that simple definition of “acid makes H+ in water from first semester, because not all chemistry occurs in water.  We use instead the idea that the H+ (now we’ll just call that H+ what it is…a PROTON) moves from chemical to chemical.  An acid is a chemical that DONATES a proton, and a base is a chemical that TAKES a proton.  Going back to Part 1, we even have an equilibrium set up in acid/base reactions.  When you look at these “Bronsted-Lowry” acid/base reactions, you’ll see an acid and a base on each side of the equation.

Now, protons are pretty nasty dudes.  They will not live by themselves.  Nope, they go sit on the nearest “lone pair” (remember them from Lewis structures) and turn that chemical into a positive ion.  This happens with water most of all.  So acids in water don’t really have an H+ ions floating around.  They’re on a nearby water instead, and have turned H2O into H3O+, which is called the hydronium ion.
Example Bronsted-Lowry Acid/Base Equation
HCl + H2O ( H3O+ + Cl-
Look at the reactants.  HCl donates a proton (H+) to the water, which takes it.  That means HCl is the acid and H2O is the base.  Look at what’s left over. Since the HCl gave up that proton, it left a Cl- ion behind.  Since the H2O accepted a proton, it turned into H3O+ , a hydronium ion.

NOW look at the products and think about the reverse reaction (going backwards).  Now the H3O+ is going to donate the proton, and Cl- is going to accept it.

Do you see there is an acid (proton donor) and a base (proton acceptor) on both sides of the chemical equation?
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Stoichiometry lets you compare any two chemicals in a chemical equation you want.  You do it by using the ratio (fraction) of their coeffiicients in the equation.
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Step 3. Moles Chem 2 to grams Chem 2
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This is an energy diagram for an ENDOTHERMIC reaction, because the energy of the products is higher than the reactants.  It went uphill!
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Remember. this is a SUMMARY of a lot of material.  It covers almost the whole year of chemistry.





I didn’t waste sentences.





Every word is important.  Every paragraph means a lot!





Read slowly.  Be sure you understand before moving on.  Read things more than once.





This is a SUPPLEMENT to your textbook and to the lectures, labs, and activities the teacher provides.
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