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Introduction

This online learning system been created specifically to support you in Chemistry 109 at the University of Wisconsin-Madison. It is
more than a textbook and includes more than chemistry. We hope that it helps you learn chemistry and learn how to succeed in this
and other challenging courses. For a 15-minute overview of what one aspect of chemistry is all about, take a look at this video.

Before proceeding further, make sure you have a course notebook in which you can write about what you are learning. Your
notebook can be pencil-and-paper, a tablet, a laptop, or some other device, but it needs to be with you whenever you are studying
and learning chemistry and it needs to be easy for you to write and draw in. Writing will help you to learn and to record important
information so you can review what your have learned. Writing about what you are learning should become a useful habit in your
career.

? Activity 1: How Do You Study?

Think about how you have studied in courses you have taken in the past. For example, you have almost certainly taken high
school chemistry. How did you study in that course? In your course notebook, write a few sentences describing your study
habits. What did you do each day? Each week? Before each exam? What seemed to work well? What did you not do, but think
you should have? (Don’t go further until you have written something.)

We asked you to think about how you study because an important goal of this course is that you learn better ways to learn. One of
those better ways is to make certain you are engaged and active as you learn. Another is to prepare your own set of notes about the
topic you are studying. The activity you just did should be the first entry in your learning notes for this course; we will ask you to
refer to it after you have more experience in Chem 109. Many scientists carry with them at all times a notebook in which they write
about what they learn from seminar presentations, conversations, and journal articles. Scientists also jot down questions that occur
to them—sometimes these become research topics. We strongly encourage you to do the same thing.

Let’s begin by building on what you just wrote in your course notebook. We often hear from students that “Chemistry 109 was the
course where I learned how to learn.” That’s great. It means that we helped students learn how to learn more effectively. In today’s
rapidly changing job market, it’s crucial to be able to learn something new every day. Another important goal is that you learn lots
of chemistry, because most biological/medical/engineering disciplines are based on solid understanding of chemical principles. We
assume that you want to learn chemistry and want to be able to use what you learn in your future endeavors. So how do you do it?

Learning Requires Your Effort

The secret to successful learning is that learning does not just happen: Learning is something you do to yourself. Nobody can learn
for you or force you to learn. Learning is not just attending class, reading books, viewing videos, or even studying. Learning
requires specific activities and repetition of those activities over an extended period.

Neuroscience has revealed a lot about the best ways you can learn. Learning is a biochemical process that enhances signals among
neuron cells in your brain. (This four-minute video summarizes how this works: https://www.youtube.com/watch?v=U8Eieult80U.)
To learn a new idea you first need to make sense of it (understand it), which means connecting it with things already in your
memory. For example, when studying acids and bases try to connect what you are learning with household products you are

familiar with such as vinegar and ammonia. The more connections you can make the better you will remember. You can strengthen
the connections through recall—the more often you bring a new idea back to mind the easier you can retrieve it later.

When you try to understand something your brain is working hard to establish the right connections among neurons to link the new
idea to what you already know. Sometimes this happens quickly—an “Aha!” moment, but it may take several tries with the same
new idea before the right connections happen. Either way, understanding requires highly focused attention and active brain work on
your part. It cannot be done if you are multitasking or distracted. You have to be actively concentrating on the new idea.
(Multitasking while learning will hurt your grades: see this study.)

Remembering also requires your active participation. Memories are not imprinted in your brain—neurons are not permanently
linked—so memories must be reconstructed. The more often they are reconstructed the easier the next reconstruction becomes. In
neuroscience lingo, a pattern of synaptic activity can produce a long-lasting increase in signal transmission among the neurons
involved. Thus, using an idea helps you remember that idea and makes the idea easier to use later. Mental practice is important.
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Knowledge Involves More Than Information

Information is available everywhere; you can Google almost anything. But “just the facts” is not enough. Knowledge involves
understanding something well enough that you can recognize connections among facts, evaluate information to decide which facts
are useful (and which are fake), and think creatively. Knowledge involves those connections among neurons that will fire when you
are trying to solve a problem.

Unfortunately, neuroscience has found no method for transferring knowledge from a teacher’s brain to a student’s. A teacher can
lead you to information, provide useful insights, and inspire you to do the necessary work, but it is your job to convert that
information into knowledge. The information will mostly be symbolic—words, numbers, diagrams, videos—so you will need to
know what those symbols mean. New knowledge depends on previous knowledge to which you can make connections. And, once
you have made those connections, you need to practice using them as often as possible so you can remember. You may understand
everything that you hear in a lecture, but if you don’t practice applying your understanding to new but related situations, you won’t
be able to use your understanding (or even remember it) when it really counts: on an exam, in a different course, or in real life
situations.

? Activity 2: Section Summary

e Summarize in two sentences (in your course notebook) what you have learned from this section. What is the important
take-away?

o Refer to what you wrote earlier about study habits. Based on what you have learned here, write in your course notebook
changes you will make in how you will study for this course.

How Will This Course Help Me Learn?

This course has many features designed to help you learn chemistry. It is organized into units, each of which ends with an exam.
Within each unit there is a weekly schedule. Within each week there are whole-class meetings where lecture and group work will
be done, a discussion section for group work, and a laboratory session. Each of these meetings has a pre-class activity that will
make sure you have the background needed for the class session. There are post-exam activities that will ask you to reflect on your
study habits and what you have learned. There will be activities during each class period, and there is homework each week.
Laboratory work enables you to learn techniques and apply what you have learned in class. All course information is available in a
course management system called Canvas. An online system called Piazza allows you to post questions anytime and get responses
quickly. Your course instructor will have office hours during which difficult material can be discussed and explained: make use of
them!

How Should | Use These Pre-class Materials?

This pre-class learning system is different from a typical textbook. It is online. It is interactive. Sometimes it asks you to discover
things for yourself, instead of reading about them. To use it effectively you must participate in all interactive components. For
example, so far there have been two “Activities” in blue-shaded boxes. Did you do what these activities asked you to do? There
will also be “Exercises” in purple-shaded boxes and opportunities for “Applying Core Ideas” in green shaded boxes. Much of what
you need to learn is in these boxes. The boxes will ask you to do something, to answer a question, or to think about ideas. These
processes are essential to your learning. Do not skip them!

In this course you will encounter many facts and concepts. These are like stones that might be assembled to build a home or even a
cathedral. Part of what we hope you will learn is how to select appropriate facts and concepts and build them into larger structures
that help you address important unsolved problems. Learning how to select appropriate building stones, fit them together, and add
mortar to hold them in place is an important goal—one that we will do our best to help you achieve. We want you to depart this
course with beautiful mental structures that will serve you well in the future. Your active participation and intellectual involvement
in the pre-class materials and all other aspects of this course is a cornerstone for building toward that goal.

What Does This Mean for Me?

There is no way round the fact that learning is work—very rewarding work, but work nonetheless. You need to make sure that you
align your efforts with what is known about brains, information, and knowledge. Here’s how to do that most effectively.

o Assign yourself at least one regular time each day when you will concentrate on learning chemistry without interruptions or
distractions.

e https://chem.libretexts.org/@go/page/392410
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o Schedule those times so that you can prepare for each class meeting: during classes we will assume that you know what you
were assigned to learn and without that prior knowledge you will have a hard time learning more.

¢ Arrange your schedule so that you get a good night’s sleep every night—this really helps!

e Make sure you get plenty of exercise—don’t just sit and study.

o Participate actively in group work in whole-class and discussion sections: if you don’t understand something, ask; if someone
else has a question, practice what you have learned by explaining the idea to them.

e Write in your course notebook about the important concepts during each whole-class and discussion section; fill in gaps in your
notes by consulting this online learning system, Piazza, other resources, or your lecturer during office hours.

o If you are not sure you understand a chemistry problem or concept, post a question on Piazza and participate in the online
discussion; go to Piazza often to see what others are asking.

¢ Begin studying for the first exam the first day of the semester: learning requires repeated practice over an extended period, so
cramming for an exam doesn’t yield long-lasting results.

e At least once a week spend 5-10 minutes thinking about which topics you have mastered and which you need to work on more;
exams in this course allow you to select among several questions and you need to be able to recognize which ones you will be
able to answer best.

o Constantly test yourself to make sure you can apply what you have learned; believing you know something is not the same as

actually knowing it.
e Form or join a study group that meets regularly to work on homework, discuss difficult concepts, and helps each other prepare
for exams.

? Activity 3: Study Schedule

e Write a two- or three-sentence summary of this section.

e Set up a weekly study schedule and write it in your course notebook; you will probably need to change this schedule later,
but get it written now.

What Will | Learn in Chemistry 1097
When you complete Chemistry 109 you will be able to

1. Describe fundamental chemical concepts and principles. These include structure and properties of atoms, models for bonding
and molecular geometry, intermolecular forces, organic molecules and functional groups, biomolecules and polymers, kinetics
and reaction mechanisms, equilibria and thermodynamics, acid-base chemistry, and electrochemistry.

2. Invoke models of atoms, molecules, and their interactions to qualitatively explain observed macroscopic phenomena, including
the organization of the periodic table, chemical and physical characteristics of organic compounds, the rates of chemical
reactions, equilibrium concentrations, and electrical currents generated by electrochemical cells.

3. Apply quantitative chemical models to predict thermodynamics, equilibrium concentrations, rates of reaction, and voltages of
electrochemical cells.

4. Design, conduct, and analyze experiments pertaining to chemical concepts included in the course while developing fundamental
skills in safe laboratory practices, accurate chemical measurements, and sample isolation and analysis techniques.

5. Demonstrate abilities as reflective, self-directed learners who can assess their work, identify their misconceptions, and critically
evaluate information from a variety of sources.

6. Articulate the rationale behind experimental observations and the answers to conceptual problems using clear, concise, and
scientifically appropriate language.

7. Solve a wide variety of integrative chemistry problems that connect several concepts and their applications to real world
situations.

? Activity 4: Goals

Think about how your personal goals mesh with these course goals. If you are aiming for a certain major or a particular career,
how will the outcomes listed above help you achieve your career goals? Write a few sentences about this in your course
notebook

e https://chem.libretexts.org/@go/page/392410
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1.1: Day 1- Chemistry, Matter, Energy, Models

1

Day 1: Chemistry, Matter, Energy, Models

Welcome to Chemistry 109!

If you have not yet worked through the Introduction, please do so before beginning this section.

Today’s work begins with a review of important fundamentals of chemistry. We expect that you are familiar with these ideas and are
ready to use them to help you learn more chemistry. Then we introduce fundamental ideas about energy and matter. These ideas
will recur throughout this course and we expect they will serve you well during your entire career

D1.1 Substances and Chemical Reactions

A fundamental aspect of chemistry is that substances change into other substances. A process in which one or more substances
changes into one or more different substances is called a chemical reaction. This course aims to enhance your understanding of
substances and chemical reactions. For a specific substance, what properties can you expect? Given one or two substances, is a
reaction likely? When a reaction occurs, what new substances are formed? How is energy related to chemical reactions? Can we
make new substances that have properties we want (such as alleviating disease)? Ability to answer such questions is valuable in a
broad range of fields, from physics to pharmacy.

Activity 1: Chemical Reactions

Here are videos of some chemical reactions. Watch each reaction carefully and write down your observations.
Reaction of copper with air and of copper oxide with hydrogen:
https://mediaspace.wisc.edu/id/1_ly43nvus

Reaction of lead nitrate aqueous solution with potassium iodide solution:
https://mediaspace.wisc.edu/id/1_init9r1in

Reactions of Li, Na, and K with air and of Li, Na, K, Rb, and Cs with water:

https://mediaspace.wisc.edu/id/1_k9nbvl8a

For each chemical reaction, write a few sentences in your class notebook describing the reaction:
How do you know that a reaction occurred? What are similarities and differences among the reactions
you observed? How do temperature and other variables affect the reactions?

Saying that one substance changes into another is not very precise without a definition of what a substance is. In chemistry, a
substance is matter that, when purified, has specific, characteristic properties and composition. For example, all samples of pure
copper have an orange, lustrous surface; all conduct electricity equally well; all react with dry air to produce a black substance; and
all consist solely of copper. The American Chemical Society currently lists more than 160 million chemical substances in a data
base. New substances are being synthesized every day.

Because there are so many chemical substances, it is useful to develop categories and classifications to help guide our thinking. The
most important is that chemical substances are composed of only a few chemical elements (118 of which have been discovered so
far). A chemical element is a substance that cannot be changed by chemical reaction into two or more different substances.
Elements combine to form chemical compounds, substances that can be decomposed by chemical reactions into two or more new
substances. If you know something about the chemical elements and how they combine to form chemical compounds, you can
predict properties of a wide range of substances and often predict which substances are likely to react to form what products.

Another useful classification is to divide the elements into metals and nonmetals. Metals conduct electricity as both solids and
liquids, have lustrous surfaces when pure, can be pounded into different shapes and drawn into wires, and conduct heat well.
Nonmetals have very small electrical conductivity and have a broad range of other properties. Six elements, the metalloids, have
properties intermediate between metals and nonmetals.

https://chem.libretexts.org/@go/page/371674



https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/371674?pdf
https://chem.libretexts.org/Bookshelves/General_Chemistry/Interactive_Chemistry_(Moore_Zhou_and_Garand)/01%3A_Unit_One/1.01%3A_Day_1-_Chemistry_Matter_Energy_Models
https://chem.libretexts.org/front-matter-001-introduction.xhtml
https://mediaspace.wisc.edu/id/1_ly43nvus
https://mediaspace.wisc.edu/id/1_init9r1n
https://mediaspace.wisc.edu/id/1_k9nbvl8a

LibreTexts-

Chemical reactions and the classifications of substances discussed so far are based on what are called macroscopic observations.
Macroscopic refers to things large enough to be seen and manipulated in a laboratory (or anywhere else). Enhancing your
understanding of the macroscopic world is a goal of this course.

D1.2 Atoms, Molecules, and lons

A different fundamental aspect of chemistry is that we can better understand elements, compounds, and reactions if we build
models based on tiny particles that are constantly in motion: atoms and molecules.

An atom is the tiniest particle of an element that has the chemical properties of that element. Atoms are extremely small, with
sizes on the order of 100 pm to 350 pm (1 pm = 1072 m). The smallest thing discernible with the most powerful optical
microscope is more than 1000 times bigger than an atom. A molecule is two or more atoms connected by chemical bonds. Atemic
scale or sub-microscopic scale refers to things about the same size as atoms and molecules. Chemists build atomic-scale models to
interpret and predict macroscopic phenomena. For example, many substances consist of molecules; the properties of these
molecular substances can be predicted if we know which atoms make up their molecules and how those atoms are arranged.

Atoms contain three kinds of particles: protons, neutrons, and electrons. Atoms are identified by the number of protons in the
nucleus, the atomic number. Protons are positively charged. Neutrons have no electric charge. Electrons have negative charge
with the same magnitude as a proton’s positive charge. Protons and neutrons have much greater mass than electrons and are found
in the nucleus, a very small volume in the center of an atom that contains most of the atom’ mass. Electrons, which constitute less
than 1/1000 the mass of an atom occupy 99.9999999999999% of the space the atom occupies. When a chemical reaction occurs,
atoms remain unchanged, except that a few electrons in the outer part of one atom may transfer to the outer part of another atom.
Before and after any chemical reaction the same number of atoms of each type is present; this is known as the law of conservation
of matter. When copper metal reacted with oxygen from air to form copper oxide in the first video in Activity 1, the copper oxide
included all the copper atoms that originally were in the copper that reacted. When hydrogen reacted with the copper oxide those
copper atoms remained on the surface as copper metal.

Tons can form from atoms or molecules. An ion is an atom or molecule that has gained or lost one or more electrons and therefore
has a negative or positive electric charge. For example, when copper reacts with oxygen, the product consists of copper(Il) ions
and oxide ions. In a copper(II) ion a Cu atom has lost two electrons to form an ion with two units of excess positive charge, Cu®*;
in an oxide ion an O atom has gained two electrons to form an ion with two units of excess negative charge, O>". When a molecule
gains or loses electrons, polyatomic ions form: the molecule NO; forms both a positive ion, NO," and a negative ion, NO;", by loss
and gain of one electron.

D1.3 Chemical Symbols, Formulas, and Equations

It is convenient to deal with macroscopic properties and atomic-scale models by defining symbols to represent elements,
compounds, atoms, molecules, and structures. For example, the symbol Li can represent the element lithium or it can represent a
lithium atom. When Li is used to represent the element, it should bring to mind various properties: Li is a metal that can be cut with
a knife; Li reacts fairly quickly with air; Li reacts vigorously with water. When Li is used to represent a lithium atom, we can use
numbers to indicate how many Li atoms are present. For example, 2 Li represents two lithium atoms. In Li,O, the formula for one
substance that forms when lithium reacts with oxygen, the subscript “2” indicates that there are two Li atoms for every one O atom.
Li,O also represents the macroscopic substance lithium oxide, which has specific properties including high melting point (1438 °C)
and high solubility in water.

Symbols can also represent chemical reactions. When lithium reacts with water the chemical equation is
2 Li(s) + 2 HyO(l) —» Hy(g) + 2 LiOH(aq)

The letters in parentheses (s, I, g, and aq) indicate that lithium, water, hydrogen, and lithium hydroxide are solid, liquid, gas, and an
aqueous solution. The chemical symbols and formulas indicate that lithium and water are reactants and hydrogen and lithium
hydroxide solution are products. The coefficients indicate how much of each reactant reacts away and how much of each product
forms. The quantities can be expressed on the atomic scale as two lithium atoms reacting with two water molecules to give one
hydrogen molecule and two lithium ions and two hydroxide ions in solution. (Lithium hydroxide consists of lithium ions, each with

one unit of positive charge, and hydroxide ions, each with one unit of negative charge.) The quantities can be scaled up by a factor
of 6.02214076 x 10?3 (Avogadro’s number) and the equation says that two moles of solid lithium reacts with 2 moles of liquid
water to give one mole of gaseous hydrogen and two moles of lithium hydroxide dissolved in water.

https://chem.libretexts.org/@go/page/37167
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For molecules, symbolism can indicate which atoms are bonded to which other atoms, what types of bonds are present, and how
the atoms are arranged in three-dimensional space. These structures illustrate some of the possibilities:

T T H Cl: ,
H 9
SR R S
- H/ \:’_C_I: ¢ ‘

H o :Clt
Chemical Lewis Wedge-dash Ball and stick Space filling
formula structure Lewis structure molecular model  molecular model

The chemical formula tells only the number of each kind of atom in the molecule. The Lewis structure indicates which atoms are
bonded to which. The wedge-dash structure indicates that the molecule is three-dimensional, which is shown more clearly in the
ball-and-stick model. (To see and manipulate a three-dimensional ball-and-stick model, click here.) Finally, in the space-filling
model the sizes of all atoms and the molecule as a whole are shown; it is clear that a chlorine atom is bigger than a carbon atom,
which is bigger than a hydrogen atom. The last two models are more pictorial than symbolic, but they are still representations of
something we cannot see. None of these representations is the molecule itself; all provide useful information about its properties.

Chemists use representations such as these all the time and move effortlessly from one to the other as they think about molecules.
Some imagination and much experience using these symbolic representations will enable you to make predictions about properties
of substances and chemical reactions.

D1.4 The Periodic Table

As you saw in the videos in Activity 1, the elements Li, Na, K, Rb, and Cs have similar properties and react with air and water in
similar ways. In addition, all these elements react with fluorine, chlorine, bromine, and iodine to form similar compounds: LiF,
NaF, KF, RbF, CsF, LiCl, NaCl etc. (These compounds are referred to collectively as “salts” because their properties are similar to
those of table salt, NaCl.) The reaction of Na(s) with Clx(g) to form NaCl(s) is shown in this video.

https://mediaspace.wisc.edu/id/1_zygntgnp

The elements Li, Na, K, Rb, and Cs are called alkali metals. The elements F, Cl, Br, and I are called halogens. (“Halogen” comes
from Greek hals, halo—"salt”.) All halogens consist of diatomic molecules, such as Cl,. Another group of elements, Be, Mg, Ca,
Sr, and Ba also have similar physical properties, react with air and water (but more slowly than alkali metals), and react with
halogens to form compounds with formulas like BeF,, BeCl,, MgCly, etc. Be, Mg, Ca, Sr, and Ba are known as alkaline earth
metals or alkaline earths. Just before the turn of the 20" century, chemists discovered another group of similar elements: He, Ne,
Ar, Kr, and Xe. All are gases that undergo almost no chemical reactions, so He, Ne, Ar, Kr, and Xe are called noble gases. (One
meaning of “noble” is “unreactive™.)

Here is a list of the first twenty elements in order of increasing atomic number:

HHeLiBeBCNOF NeNaMgAlISiPSCIArKCa

The noble gases, alkali metals, alkaline earth metals, and halogens are color coded. Notice that the colors repeat periodically—
every eight elements. About 150 years ago, Russian chemist Dmitri Mendeleev recognized this periodicity and created a table with
horizontal rows of elements in atomic-weight order and groups of similar elements in vertical columns. Since Mendeleev’s time
many more elements have been discovered: there are 118 in the modern periodic table below. But the idea of rows (periods) across
which properties of elements vary and columns (groups) of elements with similar properties remains.

https://chem.libretexts.org/@go/page/371674
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E Group Periodic Table of the Chemical Elements
o 1A 18 (VIIIA)
2
1 H He
. — 4.003
2 (NA) Atomic number — 5 q 13 (A} 14 (IMA) 15 [VA] 16 (VIA) 17 (VIIA)
4 H <—— Element symbol 5 B 7 8 E 10
2 Li Be Atomic weight —= 1.008 B Cc N o] F Ne
694 | 9.012 - 10.81 || 1201 14.01 | 1600 19.00 | 20.18
1m0 12 : 13 1415 16 | 17 18
3| Na Mg Metals D Metallcids Nonmetals, noble gases Al si P s cl Ar
2299 | 2431 2698 | 28.09 || 30.97 | 3206 3545 39.95
b o ' 3(NB) 4(WVB) 5(VB) &(VIB) 7 (VIB) &(VIIB) 9 (VHIIB) 10 (VIIB) 11 (E) 12 (UB) * o :
19 20 21 2 23 24 25 26 27 28 29 30 31 32 33 34 35 36
4 K Ca Sc Ti ) Cr Mn Fe Co Ni Cu Z2n Ga Ge As Se Br Kr
39.10 | 40.08 4496 4787 5094 5200 5494 5585 5893 5869 6355 6538 6972 7263 7492 7897 7990 83.80
37 38 39 40 41 42 43 44 45 46 A7 48 49 50 51 52 53 54
5 Rb  Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd In Sn  Sb Te 1 Xe
8547 | 87.62 8891 9122 | 9291 9595 (98) | 101.1 1029 1064 1079 1124 | 1148 1187 1218 | 1276 1269 1313
55 56 71 72 73 74 75 76 77 78 79 80 B 82 83 B4 85 86
6 Cs | Ba Lu Hf Ta W Re Os Ir Pt Au  Hg Tl Pb  Bi Po At Rn
1329 | 1373 1750 1785 1809 1838 1862 1902 1922 | 1951 1970 2006 | 2044 2072 209.0 | (209) | (210) @ (222)
[ 87 | 88 | || 103 | 104 | 105 |[ 106 || 107 | 108 || 109 |[ 110 [ 411 || 12 | 113 |[ 114 || 15 || 116 [ N7 || 118 |
7 Fr Ra Lr Rf Db Sg Bh Hs Mt Ds Rg Cn Nh Fl Mc Lv Ts Og
| (223) || (226) | || | (262) | (267) | (268) | (271) | (270) | (277) | (278) | (281) | (281) | (285) | (286) || (289) | (290) | (293) | (294) || (294)
b7 58 59 60 61 62 63 64 65 66 67 68 69 70
La Ce Pr Nd Pm | |Sm Eu | Gd || Tb | Dy Ho Er | Tm Yb
1389 || 140.1 || 1409 | 1442 | (145) || 1504 || 152.0 | 157.3 || 158.9 | 1625 || 164.9 || 167.3 || 168.9 | 173.1
89 90 91 92 93 94 95 96 a7 98 99 100 || 101 || 102
Ac | Th | Pa U Np | Pu | Am | Cm | Bk | Cf Es | Fm | Md | No
(227) || 232.0 || 231.0 || 238.0 || (237) || (244) || (243) || (247) || (247) || (251) || (252) || (257) | (258) || (259)

Each group (column) is identified by two numbers. The alkali-metal group is group 1 or IA; the alkaline-earth group is group 2 or
ITA; the halogen group is group 17 or VIIA; and the noble-gas group is group 18 or VIIIA. The first number is designated by the
International Union of Pure and Applied Chemistry; the second is more commonly used in the United States.

Down the left side of the table, the periods (rows) are numbered from 1 to 7. The first period contains only two elements; the
second and third periods contain eight elements each; the fourth and fifth periods each contain 18 elements; and the sixth and
seventh periods contain 32 elements. (Some elements in these latter two periods have been moved to the bottom of the table so it
can fit on a printed page and be big enough to read. The curved arrows show where these elements should fit.)

The table is color coded to indicate whether an element is a metal, a metalloid, or a nonmetal. Metals conduct electricity, have
lustrous surfaces when pure, combine with other metals to form alloys, and are malleable and ductile. The electrical conductivity
of metals increases as temperature decreases. Non-metals are electrical insulators, usually are brittle as solids but may be liquids
or gases at room temperature, and combine with other nonmetals by forming covalent bonds. Metalloids are intermediate between
metals and nonmetals, Metalloids have lower electrical conductivity than metals but their conductivity increases as temperature
increases.

Most elements are metals (the large blue-gray area); only 20 elements are nonmetals and six are metalloids. Notice that some
groups, such as groups 14 (IVA) and 15 (VA) contain nonmetals, metalloids, and metals. This means that properties (electrical
conductivity, for example) of some elements in these groups are significantly different from properties of other elements in the
group; that is, in some groups elements are not as similar to each other as in the alkali-metal group. In all groups, however, the
formulas of compounds are similar. For example, in group 14 (IVA), all elements form oxides with formulas XO,: CO,, SiO,,
GeO,, SnO,, and PbO,. (Fl, flerovium, has been formed in quantities of only a few atoms in a particle accelerator, so the formula of
its oxide has not been determined experimentally.)

Similarity of chemical formulas for elements in the same periodic group involves valence, the combining power of an atom. For
example, sodium has a valence of 1 and so does chlorine; therefore, sodium and chlorine form the compound NaCl in which
sodium atoms and chlorine atoms combine in a 1:1 ratio. Oxygen has a valence of 2; therefore the formula for sodium oxide is
Nap,O—it takes two valence 1 sodium atoms to satisfy oxygen’s valence of 2. From this you should be able to predict that the
valence of C (or Si, Ge, Sn, or Pb) is 4 because the formula of carbon dioxide is CO,.

D1.5 Matter, Energy, Models

In this course you will be asked to examine data and draw conclusions, to explain phenomena by applying basic principles, and to
build models from which you can predict physical and chemical properties. Two important and interconnected ideas are
fundamental:

o The spatial arrangement of atomic-level particles (structure) can predict macroscopic properties and chemical reactivity;
o Energies of atomic-level particles can be used to explain atomic-level structures and macroscopic energy changes.

https://chem.libretexts.org/@go/page/371674
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Atomic-scale particles adopt structures with minimum energy, unless energy is transferred to them from an external source.
Therefore it is useful to be able to calculate quantitatively or predict qualitatively whether one situation has higher or lower energy
than another. Chemistry often involves electrically-charged atomic-scale particles, such as protons, electrons, or ions. The potential
energy of two point electric charges (charges that occupy a single geometric point) can be calculated using an equation derived
from Coulomb’s law:

B, — k. Q1TQ2

In this equation k. is a proportionality constant equal to 8.99 x 10° J m C2,Q; and Q, are electric charge values, and r is the
distance between the charges. Thus, the magnitude of the potential energy of two charged particles is proportional to the size of
each charge and is inversely proportional to the distance between the charges. The energy is positive if the charges of the two
particles have the same sign (both positive or both negative). The energy is negative if the charges are opposite—opposite charges
attract and lower potential energy is the result. The direct proportionality to electric charge and inverse proportionality to distance
enable qualitative predictions: Larger opposite charges closer together result in lower energy and hence greater stability.

Activity 2: Potential Energy and Distance between lons

Activity 3: Evaluating and Modifying a Model

At the atomic level, particles are most stable when energy is minimum. This happens for a sodium ion and a chloride ion when the
ions are 276 pm apart (lowest point in the blue curve in Activity 3). Curves like this can be used to describe attractive forces
between atoms, molecules, or ions. Particles attract each other so their potential energy decreases as they get closer, but eventually
there are repulsive forces that prevent them from being in the same place at the same time. The balance of these forces results in a
curve with a minimum at some distance of separation. The depth of the minimum indicates how strongly the particles attract.

D 1.6 Structure, Energy, and States of Matter

The idea that atomic-scale particles attract one another and adopt a low-energy arrangement unless energy is supplied from an
external source can be applied to changes from solid to liquid to gas.

The kinetic-molecular theory states that atomic-level particles are in constant, random motion. How fast the particles move
depends on temperature. As temperature increases the average speed of the particles increases; hence their kinetic energies also
increase. The average of the energies of the particles is proportional to the absolute temperature (in units of kelvins). Near 0 K the
particles have very little kinetic energy and adopt a structure with minimum potential energy.

Activity 4: Atomic-level View of Solids, Liquids, and Gases

Temperature and motion of particles affect whether a substance is a solid, liquid, or gas. View this simulation of the behavior
of noble gas atoms in solids, liquids, and gases. Choose “States”, then choose “Neon” (upper right corner). Click on each of the
boxes: “Solid”, “Liquid”, and “Gas” (or use “Heat” (below the container of molecules) to raise the temperature).

Based on the simulation, write in your notebook a description of the differences in position and movement of the molecules in
solids, liquids, and gases.

A tiny portion of solid sodium chloride. Each green sphere represents a sodium ion. Each purple sphere represents a chloride ion.

Let’s apply these ideas to sodium chloride, which is a solid at low temperature. Sodium ions and chloride ions are packed closely
together in a regular pattern, as seen in the diagram at the right. This arrangement minimizes the potential energy by bringing
oppositely charged particles closer together. A little above 0 K the ions are in motion: each vibrates a bit around its specific
location, but no ion has sufficient kinetic energy to overcome the Coulomb’s-law attractions that hold it in place. Thus, no ion
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exchanges place with any other ion. This atomic-scale structure is consistent with macroscopic properties: a solid is rigid because
the regular pattern of its structure does not change.

As temperature increases the average kinetic energy of the ions increases: the ions move more, vibrating farther from their average
positions. On the macroscopic scale, the solid expands because each vibrating ion pushes against neighboring ions. Pushing
neighboring ions away enlarges the space occupied by each ion and the crystal’s volume increases. Eventually, the vibrations are
large enough that ions can move relative to each other and the regular arrangement becomes much more random: the solid melts.
Ions are still close together but they can move past one another, so the liquid has no specific shape. The liquid is fluid and can be
poured. For sodium chloride, because the potential energy is lowered a lot by Coulomb’s-Law attractions among the ions, the
temperature required for melting is high: 1074 K (801 °C).

Further increase in temperature makes the motion of the atoms faster and at 1738 K (1465 °C) the liquid sodium chloride boils,
forming a gas. The sodium ions and chloride ions move much further apart, which means they bump into each other much less
often. The gas is fluid but expands to fill whatever volume is available and has much lower density than the liquid or solid.

D1.7 What's Ahead?

Throughout this course you will build on the fundamental ideas of chemistry developed in this section. You will begin by studying
the properties of atoms and how those properties vary depending on position in the periodic table. This will lead to how atoms lose
or gain electrons to form ions and how atoms share electrons to form molecules, both of which are related to valence. Based on the
properties of atomic-scale atoms and ions, you will be able to understand properties of metals and ionic compounds. The number
and variety of molecules is very large so a lot of your study will involve how atoms bond to each other to form molecules and how
molecular structures affect properties and reactivity of molecular substances. Then we will consider how fast chemical reactions go
and to what extent products of those reactions can be formed from a given set of reactants. These ideas will then be applied to two
important classes of reactions: acid-base reactions and oxidation-reduction reactions.

Bon voyage!

Activity 5: Wrap-up

In your notebook, write a summary of the important ideas in this day’s work. Write your summary so that you can refer back to
it, should you need to refresh your memory, and so that you can use it to review for exams.

Day 1 Pre-Class Podia Problem: Describe Chemistry

In most pre-class assignments we will include a Podia question that may require numerical, text, and/or image-based responses.
Each pre-class Podia question is based on the pre-class material and working through the pre-class material will help you
formulate your response. Consider the problem and write down/draw out your solution in your class notebook.

Two days before the next whole-class session, the pre-class Podia question will become visible in Podia (within the “Whole Class”
section), where you can submit your solution. [For example, the Podia question in a Wednesday pre-class assignment will open by
Monday evening.]

When you come to the next whole-class session, the class leader will choose one or more student-submitted solutions and explain
why they are (or are not) effective scientific statements. These questions are designed to hone your skills so that you can solve
mastery problems you will encounter on exams.

Click on the relevant open Podia question and submit your answer there. Your submission to instructor-opened questions will be
anonymous to your classmates, and you can only view your own submission. (If you make a separate post, you will not be
anonymous.)

You may find Podia sign-in instructions here.

Your first pre-class Podia question is designed to help you learn how Podia works. Write a short sentence about chemistry.
Accompany your sentence with an image (sketched by you) that you think is a good example of chemistry. See whether your
class leader selects your submission as a good one to show (anonymously) to the class.

Comments. If you found any inconsistencies, errors, or other things you would like to report about this module, please use this link

to report them. A similar link will be included in each day’s material. We appreciate your comments.
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1.2: Day 2- Atomic Spectra and Atomic Orbitals
s2

Day 2: Atomic Spectra and Atomic Orbitals

If you have not yet worked through the Introduction and Day 1, please do so before beginning this section.

D2.1 Electromagnetic Radiation

The periodic table (Section D1.4) summarizes much information about chemical elements. That information can be better
understood by assuming that both physical and chemical properties of the different elements depend on differences in the
underlying structures of their atoms. An important way to learn about the structures of atoms is to study how energy, in the form of
electromagnetic radiation, interacts with matter.

Activity 1: Preparation—Atomic Spectra and Atomic Structure

In your course notebook, make a heading for Atomic Spectra and Atomic Structure. After the heading write down what you
remember about atomic spectra from courses you have already taken. Also write what you recall about the relation of spectra
to atomic structure—how electrons are arranged in atoms. If there is anything you remember being puzzled about, write that
down as well. We will ask you to refer back to what you have written when you complete this section.

Electromagnetic radiation consists of oscillating, perpendicular electric and magnetic fields that travel through space and can
transfer energy. The oscillating fields (waves) are characterized by wavelength (A, measured in meters, m) and frequency (v,
measured in hertz, Hz or s™1). In a vacuum, electromagnetic radiation travels at the speed of light (c):

Av=c=2998 x 108
S

Electromagnetic radiation occurs in small, indivisible quantities of energy called photons. The energy of a photon, Ephoton, can be
determined from either its frequency or its wavelength:
hc
FE,

photon = hy = —

A
In this equation h represents Planck’s constant; h = 6.626 x 10734 J s.

Your calculation in Exercise 1 showed that the energy of a single photon is quite small. Most interactions of electromagnetic
radiation and matter involve lots of photons and lots of atoms. The total energy transferred is proportional to the number of
photons, N. If all photons have the same frequency,

hc

Eelectromagnetic radiation™ N x Ephoton =Nhv = NT

Notice that electromagnetic radiation has been described as involving wave motion and also as a number of particles (photons).
Originally, scientists thought that electromagnetic radiation could be described entirely by a wave model, but that model was
unable to predict all experimental observations. Consequently, both wave and particle models need to be combined for full
understanding of electromagnetic radiation.

Figure 1 shows the enormous range of all types of electromagnetic radiation: Frequencies of 10° Hz to 10?° Hz, that is,
wavelengths of 103 m (km) to 1072 m (pm) have been observed. What we can see, visible light, is only a tiny portion (380-740
nm) of that range.
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Figure 1. Portions of the electromagnetic spectrum are shown. Examples of some applications for various wavelengths include
positron emission tomography (PET) scans, X-ray imaging, remote controls, wireless Internet, cellular telephones, and radios.
(credits: “Cosmic ray”: NASA; “PET scan”: NIH; “X-ray”: Dr. Jochen Lengerke; “Dental curing”: Department of the Navy;
“Night vision”: Department of the Army; “Remote”: Emilian Robert Vicol; “Cell phone”: Brett Jordan; “Microwave oven”: Billy
Mabray; “Ultrasound”: Jane Whitney; “AM radio”: Dave Clausen)
Different parts of the electromagnetic spectrum typically use different units: Low-energy photons, such as microwaves and radio
waves, are specified in frequencies (MHz or GHz); mid-energy photons, such as infrared and visible light, are specified in

wavelengths (um, nm, pm, or A); high-energy photons, such as x-rays and gamma-rays, are specified in energies (keV or MeV).

Our eyes detect visible-range photons, allowing us to see the world around us. But scientific instruments allow us to “see” lots
more by detecting photons over a much wider range of energies. For example, studies of atomic spectra, experiments involving
interaction of gaseous matter with visible, ultraviolet, and infrared light, led to better understanding of the structure of atoms.

D2.2 Atomic Spectra

Heating a gaseous element at low pressure or passing an electric current through the gas imparts additional energy into the atoms.
These higher energy atoms can then release the additional energy by emitting photons. For instance, the colors of “neon” signs are
produced by passing electric current through low-pressure gases. Interestingly, the photons emitted by the higher-energy atoms
have only a few specific energies, thereby producing a line spectrum consisting of very sharp peaks (lines) at a few specific
frequencies. Line spectra were intriguing because there was no reason to expect that some frequencies would be preferred over
others.

Each element displays its own characteristic set of lines. For example, when electricity passes through a tube containing H; gas at
low pressure, the H, molecules are broken apart into separate H atoms and the H atoms emit a purple color. Passing the purple light
through a prism produces the uppermost line spectrum shown in Figure 2: the purple color consists of four discrete visible
wavelengths: 656.4 nm, 486.2 nm, 434.1 nm, and 410.2 nm.

https://chem.libretexts.org/@go/page/371675


https://libretexts.org/
https://creativecommons.org/licenses/by-nc-sa/4.0/
https://chem.libretexts.org/@go/page/371675?pdf

LibreTexts-

400 450 500 550 600 650 700 nm

550 500 450 THz

Figure 2. The line spectra of excited hydrogen, neon, and argon atoms; the photon wavelength and frequency scales are shown on
top. The colors of the discharge lamps are shown on the right. (Images from and smart elements) [JWM note:
change figure to show frequencies as well as wavelengths. Also, we need a better attribution for the figure.]

The H-atom emission spectrum also contains lines in the ultraviolet and infrared ranges. In 1888, Johannes Rydberg developed an
equation that predicts wavelengths for all hydrogen emission lines:

1 1 1
——R _ =
A * ng nf

Here, n; and ny are positive integers with np < ny, and the Rydberg constant R, = 1.09737316 X 10’ m™!

Because the wavelengths of hydrogen emission lines were measured to very high accuracy, the Rydberg constant could be
determined very precisely. That a simple formula involving integers could account for such precise measurements seemed
astounding at the time.

Exercise 2: Hydrogen-Atom Emission

Use the Rydberg equation to calculate the wavelength of the photon emitted by a hydrogen atom when n, = 3 and n; =
7.

D2.3 Atomic Energy Levels

Why should a hydrogen atom emit only four specific colors of visible light? To understand this better, we need to know more about
the energy of the atom and how energy depends on atomic structure. Any atom consists of a tiny nucleus surrounded by one or
more electrons. The simplest atom, a hydrogen atom, has one proton as the nucleus and one electron outside the nucleus. According
to Coulomb’s law, the electron and proton attract.

Activity 2: Line Spectra and Energies

Think about the implications of line spectra. If a hydrogen atom emits only four specific wavelengths in the visible region,
what does this imply regarding the energies of the emitted photons? Why should only these four wavelengths be emitted, but
none of the other possible wavelengths? Write your explanation in your notebook.

The model currently used to describe the distribution of electrons in an atom has these attributes:

o The energies of electrons in an atom are restricted to energy levels, which are specific allowed energies.

o Each line in the spectrum of an element results when an electron’s energy changes from one energy level to another; a change
from one electronic energy level to another is called an electronic transition.

o Electrons are distributed in regions centered on the nucleus, called shells; each shell has a different average distance from the
nucleus.

e As described by Coulomb’s law, an electron’s energy increases with increasing average distance from the nucleus; that is, with
increasing size of an electron shell.

o Both energy levels and shells are described by quantum numbers, numbers restricted to specific allowed values; the electron
energies are said to be quantized, restricted to discrete energy levels.

An atom is most stable when it has the lowest possible energy. The lowest energy electronic state of an atom is called its electronic
ground state (or simply ground state). Any higher energy state of an atom is called an electronic excited state (or simply an
excited state).
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Figure 3 shows the first few energy levels of a hydrogen atom. The atom is in its ground state when its electron is in the n = 1
(lowest energy) level. When a photon is absorbed by a ground state hydrogen atom, as shown on the left side of Figure 3, the
energy of the photon moves the electron to a higher n (higher energy) level, and the atom is now in an excited state.

An atom in an excited state can release the extra energy as a single photon if the electron returns to its ground state (say, fromn = 5
to n = 1), or the energy can be released as two or more lower energy photons if the electron falls to an intermediate state then to the
ground state (say, from n = 5 to n = 2, emitting one photon, then from n = 2 to n = 1, emitting a second photon).

Energy

n

oo 004
5 -0.087al
4
3

-0.136aJ
-0.242 al

2 -0545al

(1al=1x10"J)

1 -2179ad
Electron moves to Electron moves to
higher energy as lower energy as
photon is absorbed photon is emitted

Figure 3. The horizontal lines show the relative energy levels in the modern model of the hydrogen atom, and the vertical arrows
depict the energy of photons absorbed (left) or emitted (right) as electrons move between these levels. The n = 1-5 levels are shown
explicitly; the energy levels are closer together as n—o. As n—oo, potential energy approaches zero. (Colored arrows show the
colors of visible emissions.)

D2.4 The Quantum Mechanical Model of the Hydrogen Atom

If we could calculate the energy for each energy level, we could predict the emission spectrum for hydrogen. In 1926, Erwin
Schrédinger applied quantum mechanics ,a model that uses both wave and particle analogies to describe atomic-scale matter, to
the hydrogen atom. Instead of viewing the electron as a particle, Schrodinger applied mathematics appropriate for three-
dimensional stationary waves constrained by electrostatic potential (Coulomb’s-law attraction between electron and nucleus). For
each wave he derived a mathematical function to describe the wave, a wave function. The wave function is typically designated by
the Greek letter .

Schrodinger showed that these wave functions could be used to calculate allowed energies of a hydrogen atom. The calculated
energies are given by this equation:

k
E,=-—,n=1,2,3,...
n

where the proportionality constant k = 2.179 x 1078 J, and n is a quantum number restricted to positive integer values.

In an electronic transition, an electron moves from one energy level to a different energy level. The energy of the corresponding
photon is the energy difference between the two energy levels, an initial level with energy E; and a final level with energy E;.

11
AE=E;—E=—k| = ——

A positive AE means that the atom’s energy increased, corresponding to absorption of a photon: the photon’s energy has been
added to the atom’s initial energy. Similarly, a negative AE means that the atom has lost energy through emission of a photon.

Conservation of energy requires that the energy of the photon, Ep},qn = he/A, equals the absolute value of the energy difference, |
AE)|, for emission or absorption. The sign of AE indicates whether the photon was absorbed (+) or emitted (-).

The equation Schroédinger obtained is equivalent to the equation Rydberg used to calculate hydrogen emission lines:
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and thus, Re = k/(hc). Substituting values for k, h, and c into this equation gives R, = 1.097x 10”7 m!, which is the same as the
experimental Rydberg constant to four significant figures. That a wave model could reproduce these highly accurate energy levels
was strong evidence that quantum mechanics is an appropriate atomic-level model.

D2.5 Wave-Particle Duality

The combined wave and particle model is referred to as wave-particle duality. Its impact in describing atomic-scale particles
(protons and electrons) is dramatic: wave-particle duality implies that we should not just think of an electron as located at a specific
position around a nucleus or moving in a specific direction and with a specific speed: the wave-like electron seems to be all around
the nucleus at once! In other words, the wave nature of an electron is just as important in describing its properties as its particle
nature.

An important consequence of wave-particle duality is the Heisenberg uncertainty principle: it is impossible to determine the
exact position and the exact momentum of an atomic-level particle simultaneously. This means that, if we know exactly where an
electron is at one instant, we have no idea where it will be an instant later; or, if we know an electron’s exact speed and direction,
we have no information about where it is. As a result of the uncertainty principle, the best we can do is determine the probability of
finding an electron at a specific position; that probability is proportional to the square of the wave function, .

The electron-density distribution (or just electron density) is the three-dimensional distribution of electron probability, which
can be derived from the square of a wave function. Wave functions and their electron-density distributions are called orbitals. It is
these orbitals that help us understand atomic properties, chemical bonds, and forces between molecules.

A graphic way of showing electron-density distribution (depicting an orbital) is by the density of shading or stippling. That is, we
draw lots of dots or darker shading where the probability is high and we draw fewer dots where the probability is low. For example,
consider the wave shown below in red along with its square shown in blue. Wherever there is a maximum in the square of the wave
function (blue curve), there are many dots. Where the wave function (and therefore also its square) approaches zero, there are few
dots.

Figure 4. The function sin(x) is plotted from 0 to 1 (red line). The square of the function, sin?(x), is plotted in blue. The density of

dots shown in the band along the horizontal axis is proportional to sinz(x).
Such a way to visualize electron density is quite useful for a 3-D view of the electron density surrounding a nucleus. For example,
you can see the electron-density distribution of a hydrogen atom in its ground state in this video, where the hydrogen atom is
rotated around its nucleus.

Activity 3: Electron Density Distribution for H Atom
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In your class notebook write a description of (1) the shape of the electron density distribution for a ground-state H atom and (2)
how electron density changes with distance from the nucleus. (The nucleus is located at the intersection of the three axes: x, y,
and z axes).

In the electron-density diagram below, click on the white cross that corresponds to the lowest electron density.

Based on the density of dots in the diagram, make a graph with electron density on the vertical axis and distance from the
nucleus on the horizontal axis. How is a graph of wave function versus distance from the nucleus related to the graph you
made?

Similar to dot-density diagrams, but visually simpler while conveying a little less information, are 3-D boundary-surface plots,
which show a surface that has the same shape as the electron density distribution and encloses some fraction, such as 90%, of the
electron density. That is, if we could repeatedly locate the electron exactly, nine times out of ten the electron would be located
inside the boundary surface. The figure below shows how a boundary surface is related to the dot-density plot you have already
viewed. Move the slider at the bottom to change from dot-density to boundary-surface diagram.

Visualizing electron-density distributions confirms an idea mentioned earlier: there are shells of electron density, concentric spheres
each farther from the nucleus. The orbitals that belong to a given shell have the same quantum number, n and their electron density
is approximately the same average distance from the nucleus. The principal quantum number n dictates the overall size of the
orbital.

e— 8 &

First Shell, n=1 Second Shell, n = 2\ Third Shell,n=3

Figure 5. The boundary-surface diagrams of the first three shells for a hydrogen atom, showing their relative sizes.

As n gets larger, the radius, r, of the electron shell gets larger, and E,, becomes less negative—closer to zero. Therefore, the limits n
— oo and r — oo imply that E,, = 0 corresponds to ionization of the atom, complete separation of the electron from the nucleus.
Thus, for a hydrogen atom in the ground state, the ionization energy is:

-k
AE=E,_ .. —F; :0—1—2:k:2.179 x 10718 J

Another interesting aspect is that while we know E,, which is the total energy of the electron, we cannot measure the electron’s
kinetic energy (or its velocity) and potential energy separately. We know from Coulomb’s law that the potential energy changes as a
function of r. Since the electron density is distributed over a range of r, there’s a range of potential energy, and hence a range of
kinetic energy—when the electron’s potential energy is higher, its kinetic energy would be lower. This uncertainty is again related
to the wave nature of the electron. However, knowing the total energy, E,, is quite sufficient for us!

Activity 4: Wrap-up—Atomic Spectra and Atomic Structure

Review what you wrote about atomic spectra and atomic structure at the beginning of this section. Update the information
based on what you have learned. Write a summary that will be a good study aid when you review for an exam.

D2.6 Atomic Orbitals and Quantum Numbers

Quantum Numbers: n, £, my

The atomic wave functions can be defined using three quantum numbers: n, £, and m,. Each wave function corresponds to an
atomic orbital. Each atomic orbital defines a region in the atom within which electron probability density is large.
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The energy of a hydrogen atom orbital depends on the principal quantum number, n:

2.1 10718
g, - 217 ><20 I =123,
n

As discussed above, the size of the orbital (the average distance of the electron from the nucleus) increases as n increases. The
farther the electron is from the nucleus, the higher (less negative) the energy is.

The second quantum number, £, is the orbital quantum number (sometimes called azimuth or angular-momentum quantum
number). It determines the shape of the electron-density distribution. £ is an integer with values ranging from 0 to n — 1; that is, £ =
0,1, 2,...,n—1. Thus, an orbital with n = 1 can have only one value of £, £ = 0, whereas n = 2 permits ¢ = 0 and £ = 1, and so on.

Values of ¢ are designated using letters:

£=0 s orbitals
£=1 p orbitals
£=2 d orbitals
£=3 f orbitals
£=4 g orbitals
£=5 h orbitals

Activity 5: Shapes of Hydrogen-Atom Orbitals

View the shapes of s, p, and d orbitals shown in these videos:
Is orbital 2p orbital 3d orbital

In your class notebook write a description of the shape of the electron density distribution for each orbital. Also, make a rough
drawing of the corresponding boundary-surface diagram for each dot-density diagram.

The magnetic quantum number, m, specifies the spatial orientation of a particular orbital. Values of m; can be any integer from
—L to £. For example, for an s orbital, £ = 0, and the only value of m, is 0; thus there is only a single s orbital. For p orbitals, £ = 1,
and m, can be equal to -1, 0, or +1; thus there are three different p orbitals, which are commonly shown as p,, p,, and p,, oriented
along the x, y, and z axes.

The total number of possible orbitals with the same value of £ is 2¢ + 1. There are five d orbitals, seven f orbitals, and so forth. The
sizes and shapes of s, p, and d orbitals in the first three shells are shown in Figure 6. Each of these orbitals corresponds to a
different set of n, £, and my values.
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Figure 6. Sizes and shapes of electron-density distribution for the orbitals in the first three shells of the hydrogen atom. Summing
electron density over all orbitals in a shell results in the spherical electron density distributions shown in Figure 5.

Exercise 5: Electron-Density Distance from Nucleus

All orbitals with the same value of n and £ form a subshell. For example, the 2py, 2py, and 2p, orbitals constitute the 2p subshell
because each of these orbitals has n = 2 and £ = 1. The number of orbitals in a subshell equals the number of different values for the
my quantum number. Each shell contains n subshells: for example, when n = 3, there is a 3s, a 3p, and a 3d subshell, corresponding
to the three possible € values of 0, 1 and 2.

Orbital Phases and Nodes

Figure 6 shows some atomic orbitals as either all blue or all red (for example, 1s and 2s), while other orbitals contain both colors
(for example, the 2p orbitals). The blue and red colors show the mathematical sign of the wave function, a property called the
phase of the wave function. Most wave functions are positive in some regions and negative in others. Phase is important when
wave functions on two atoms interact to form a chemical bond.

The relationship between wave function and electron density is depicted more explicitly in Figure 7. In the middle row, boundary-
surface diagrams from Figure 6 show the sizes and shapes of electron-density distributions for the 1s, 2s, and one of the 2p orbitals.
In the top row are the corresponding wave functions (i); the bottom row shows electron density, y°.
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Figure 7. The boundary-surface diagrams from Figure 6 for 1s, 2s, and 2p orbitals are reproduced in the middle. The
corresponding wave function is shown on top and electron density shown on the bottom. Each wave function is colored similar to
the boundary-surface diagram to highlight its phases.
The wave functions and electron-density functions are color coded to show the regions where iy > 0 as blue and the areas where i <
0 as red. A surface where the wave function changes sign is called a node. At a node, ¢y = 0 and therefore the probability of finding
the electron in that surface is also 0.

For the 1s orbital, there are no nodes; its wave function only has positive values. For the 2s orbital, there is one node at r = 1.05 A;
the wave function goes from positive values near the nucleus to negative values farther out. (You cannot see this node in the
boundary-surface diagram, because the node is a sphere that is within the volume enclosed by the boundary surface.) A node that
occurs at a specific value of r is a radial node, and therefore radial nodes have a spherical shape. The 3s orbital, for example, has
two radial nodes enclosed within the boundary-surface diagram.

Each 2p orbital has one node. Look at the boundary-surface diagram to verify that this node is planar instead of spherical. Non-
spherical nodes are angular nodes. For example, the 2p, orbital has one angular node: the yz plane;  is equal to O at all points in
the yz plane, rather than at any specific r value. You can see the presence of angular nodes clearly in boundary-surface diagrams.

An orbital has n — 1 nodes, of these, n — 1 — £ are radial nodes, and the number of angular nodes corresponds to the value of £. A
generalization that is true for all kinds of waves is that the greater the total number of nodes, the higher the energy. The phase of the
wave function differs on either side of a node, because the wave function changes from one mathematical sign to the other as it
crosses a node. Visually, we represent these different phases, and the presence of nodes, with different colors in the boundary-
surface diagram.

Activity 6: Radial and Angular Nodes

Fourth Quantum Number, mg

The fourth quantum number, called the spin quantum number, m;, differs from the other three quantum numbers in that it
describes the electron rather than the orbital. An electron has a very small magnetic field. Moving a macroscopic charge in a
circular path produces a magnetic field, so initially the electron’s magnetic field was attributed to its spinning like a top; hence the
name “spin quantum number”. The electron’s magnetic field can have two quantized states: either “up” or “down”. This gives two
possible mg values, mg = +% or ms = -%. When an electron occupies an orbital, we typically depict these two possible ms values as
an 1 or | arrow.

Exercise 6: Quantum Numbers

Activity 7: Summary of Quantum Numbers
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In your class notebook make a table summarizing the names, symbols, allowed values, and important properties of the four
quantum numbers. (You can use this table for studying later.) If you are studying with someone else, make your tables
independently and then compare.

When you are satisfied with your table, compare it with ours.

Day 2 Pre-Class Podia Problem: Atomic Orbitals

This Podia problem is based on today’s pre-class material; working through that material will help you solve the problem.

-

Consider these two sentences:

e The surface shown in this illustration of an atomic orbital is chosen so that the entirety of the electron’s wave function is
enclosed.
e The colors in the diagram represent regions of opposite electron spin.

Decide whether each sentence is correct. Rewrite all incorrect text so that it is correct. Be brief but include all important ideas and
use scientifically appropriate language.

Two days before the next whole-class session, this Podia question will become live on Podia, where you can submit your answer.
Comments. If you found any inconsistencies, errors, or other things you would like to report about this module, please use this link

to report them. A similar link will be included in each day’s material. We appreciate your comments.

This page titled 1.2: Day 2- Atomic Spectra and Atomic Orbitals is shared under a CC BY-NC-SA 4.0 license and was authored, remixed, and/or
curated by John Moore, Jia Zhou, and Etienne Garand via source content that was edited to the style and standards of the LibreTexts platform.
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1.3: Day 3- Orbital Energy and Electron Configuration

c3

Day 3: Orbital Energy and Electron Configuration

D3.1 Atoms with More than a Single Electron

Activity 1: Reflection

In your course notebook, make a heading for electron configurations and write down what you remember about electron
configurations for atoms from your previous experience. Also note any aspects of electron configurations that puzzle you. We
will ask you to refer back to what you have written when you complete this section.

The ideas already developed about quantum numbers, orbitals, and sizes and shapes of electron-density distributions apply to all
atoms. However, when there are two or more electrons in an atom there are repulsive forces between the electrons as well as
attractive forces between electrons and the nucleus. These repulsions affect electron energies.

For example, the energy levels in a He* ion (which, like H, has a single electron) are significantly lower than in a H atom because
of the stronger Coulomb’s law attraction between the one electron and the 2+ charge of the He nucleus. However, in a He atom,
which has two electrons, electron-electron repulsions between the electrons raise energy levels significantly compared to He", and
a He atom is not as stable as we might have expected.

For atoms with many electrons, the effect of electron-electron repulsions differs for different subshells. Therefore orbital energy
depends on both n and £ quantum numbers. For the same value of n (the same shell), as £ increases the energy also increases. Thus
s-subshell electrons have lower energy than p-subshell electrons, which are lower than d-subshell electrons, and so forth. Orbitals
within the same subshell (for example 2py, 2py, and 2p,) all have the same energy; orbitals that have the same energy are said to be

degenerate.

The Austrian physicist Wolfgang Pauli formulated what is now called the Pauli exclusion principle:

o Each electron in an atom must have a different set of values for the four quantum numbers.
o If two electrons share the same orbital (have the same n, £, and my), then their spin quantum numbers mg must have different
values; we say the two electrons have opposite spin.
¢ Because m; can only have two values, +% or -¥%, no more than two electrons can occupy the same orbital.

By applying the Pauli exclusion principle, the arrangement of electrons in any multi-electron atom can be determined by
recognizing that the ground state of an atom has all its electrons in orbitals with the lowest energies possible.

Activity 2: Arrangement of Electrons in Li

D3.2 Orbital Energy Level Diagrams

An orbital energy level diagram (or just orbital diagram)shows the relative energies of orbitals and how electrons are
distributed among orbitals within a subshell. In an orbital energy level diagram, individual orbitals are usually represented by
horizontal lines whose vertical position conveys the relative energies of the orbitals. The electrons are represented as arrows with
the direction of the arrow communicating the sign of m, (the 1 arrow represents mg = +%2 and the | arrow represents mg = -%2).

For example, a boron atom has this orbital energy level diagram:

? B

. 2P

Boron (15°2s°2p")

Rela{ive Energy

ﬂn
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As illustrated by the boron example, an orbital diagram includes all orbitals in all subshells within a partially occupied shell, even if
some orbitals are unoccupied. Note that the three 2p orbitals are degenerate, so the electron can occupy any one of them.

A carbon atom has six electrons, so there are two electrons in the 2p subshell. These two electrons could (1) pair in a single 2p
orbital or (2) occupy separate orbitals but with opposite spin or (3) occupy separate orbitals but with parallel spin. All three
possibilities are valid based on quantum numbers and the Pauli principle, but only one is lowest in energy. Electrons having parallel
spins cannot occupy the same space (the same orbital), so repulsions between them must be smaller than if they had opposite spins.
Thus option 3 is lowest in energy and therefore represents the ground state of a carbon atom; options 1 and 2 represent excited
states.

According to Hund’s rule, the lowest energy configuration has the maximum number of unpaired electrons with parallel spin
within a set of degenerate orbitals. Thus, the orbital diagram for the ground state of carbon is

i
2p
>
% ﬂ 25
Carbon (1s25%2p?) 0
o
E
o]
& _TL 15

D3.3 Electron Configurations

The specific arrangement of electrons in atomic orbitals is called the electron configuration of the atom. It determines many
physical and chemical properties of that atom. The periodic table, which is arranged in accordance with the properties of the
elements, can therefore be used to predict the ground state electron configurations of atoms.

An electron configuration is written symbolically to provide three pieces of information: the principal quantum number (shell
number), n; a letter that designates the subshell (s, p, d, etc.); a superscript showing the number of electrons in that particular
subshell. For example, the notation 2p* indicates 4 electrons in a p subshell (£ = 1) with a principal quantum number (n) of 2.

For any element, the ground state electron configuration can be built up by starting with hydrogen and following the atomic-
number order through the periodic table. To go from one element to the next, add one proton (and one or more neutrons) to the
nucleus and one electron to the lowest energy subshell that has an incompletely filled orbital. Repeat until you reach the desired
element. This process of filling electrons into orbitals is called the aufbau principle, from the German word Aufbauen (“to build
up”). Watch the video in Figure 1 to see how to use the aufbau principle to determine the electron configurations of oxygen and

chromium.
https://mediaspace.wisc.edu/id/0_sr9om3nc?playerld=25717641
Figure 1. View this video to see how to use the periodic table to predict electron configurations.

Writing the complete electron configuration all the time can be cumbersome, so chemists often abbreviate by using the noble-gas
notation. For example, the ground-state electron configuration of vanadium (V) is 15°2s°2p®3s°3p®4s®3d>. The noble gas that
immediately precedes V is argon (Ar); it has a ground-state electron configuration of 1s°2s°2p®3s?3p®, which can be represented as
[Ar]. Thus the ground-state electron configuration of V can be shortened to [Ar]4523d3, and it communicates the same information
as the complete electron configuration. A list of ground state electron configurations for all elements in the appendix uses noble-gas
notation.

The aufbau principle is based on the concept that for ground-state electron configurations, an electron occupies a lower energy

atomic orbital rather than occupying a higher energy orbital. Hence, the fact that we observe the 4s orbital fill before the 3d orbitals
indicates that the 4s orbital is lower in energy. Similarly, a 6s orbital is lower in energy compared to a 4f orbital.

The energy difference between s, p, d, and f subshells causes orbitals with different n values to have similar energies. In many cases
these energies are so similar that there are exceptions to the periodic-table prediction of electron configuration. These exceptions
occur for d-block and f-block elements, but not for s-block and p-block elements.
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D3.4 Valence Electrons

Valence, the combining power of an atom, was defined near the end of Section D1.4. Ground state electron configurations of atoms
provide insights into valence: for example, why does sodium oxide have formula Na;O but magnesium oxide is MgO?. When two
atoms approach and form a chemical bond, the electron density farthest from the nucleus of each atom, in the higher-energy
orbitals, interacts with electron density in the other atom. Electrons in lower-energy orbitals, whose electron density is nearer the
nucleus, are less important.

Electrons can be separated into two groups: valence electrons occupy the outermost orbitals of an atom; core electrons occupy
inner orbitals, with electron density closer to the nucleus. When an electron configuration is written using the noble-gas notation,
all electrons represented by the noble-gas symbol in brackets are core electrons. Electrons beyond the noble-gas configuration are
valence electrons if they are in the outermost shell of the atom (have the highest n value) or if they are in incompletely filled
subshells. For example, consider vanadium, V: [Ar]4s23d3. There are five valence electrons: two 4s electrons and three 3d
electrons. There are 18 core electrons in the 1s, 2s, 2p, 3s, and 3p subshells. The fact that V has five valence electrons results in V
forming compounds in which the valence of vanadium ranges from 2 to 5. For example, fluorides of vanadium have formulas VF,,
VF3, VF4, and VF5.

An American chemist, G. N. Lewis, suggested a simple way to keep track of the number of valence electrons: draw dots around the
symbol of an element to represent the valence electrons. The element symbol then represents the nucleus and core electrons of an
atom. A diagram in which dots represent valence electrons is called a Lewis diagram. Lewis diagrams are most useful for the
main-group (representative) elements. Here are Lewis diagrams for atoms of elements in the third row of the periodic table:

When drawing a Lewis diagram dots are added one at a time to each of the four sides of the element symbol. If there are more than
four dots to add, dots are paired. Lewis originated the idea that when an atom bonds to another atom the valence electrons rearrange
to form an octet, a stable configuration of valence electrons (s°p®) that corresponds to each noble gas at the right side of a row in
the periodic table. Thus electron configurations and Lewis diagrams for atoms can predict how an atom forms chemical bonds, an
idea that we will explore later.

Exercise 4: Lewis Diagrams

In your notebook write a Lewis diagram for each element:
B Ge Br K Sr Se Xe Sc

D3.5 Effective Nuclear Charge

Periodic trends in atomic properties can be predicted by applying these ideas about electron-nucleus attraction and electron-electron
repulsion:

o Electron-density distributions are in shells that increase in size as the principal quantum number, n, increases. Electrons in
larger shells are, on average, farther from the nucleus and less strongly attracted.

o Electrons repel other electrons, raising electrostatic potential energy. This partly counteracts the lowering of energy due to
attraction of an electron by the nucleus. Electrons are said screen or shield other electrons from nuclear charge.

The electron density for a core electron (an electron in an inner shell) is, on average, closer to the nucleus than the electron density
for a valence electron. Thus, core electrons can significantly counteract the effect of nuclear attraction. Consider a lithium atom (Li,
1522s1), which has three protons in the nucleus. Because the 2s orbital is larger than the 1s orbital, the 1s electron density is mostly
located between the nucleus and the 2s electron density. (Move the slider in the middle of Figure 2 to see how much of the 1s
electron density lies between the nucleus and 2s electron density.) Thus, the two 1s electrons repel the 2s electron away from the
nucleus, counteracting part of the 3+ charge of the nucleus.

Figure 2. Electron-density distribution of Li 1s electrons and a Li 2s electron. Use the slider in the center of the diagram to
alternate between the two distributions. (The nucleus is at the intersection of the axes.)

To account for such electron-electron repulsions, we use an effective nuclear charge, Z g the positive nuclear charge (given by the
atomic number) reduced by the repulsion of a specific electron by all the other electrons. In the case of the Li 2s electron, quantum
mechanics calculates that the repulsions from the two 1s electrons reduces the nuclear charge by 1.72; that is, Z. for the 2s
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electron is 3 — 1.72 = 1.28. If all the electron density of the 1s electrons were between the nucleus and the 2s electron, Z.s would
be reduced to 1.

Activity 3: Effective Nuclear Charge

D3.6 Periodic Variation in Atomic Radius

Given that electron density is distributed throughout space but concentrated near the nucleus, it is hard to define the size of an
atom. Typically, chemists think of atoms as spheres with radii on the order of tens to hundreds of picometers. One way to determine
atomic radii is to measure the distance between atomic nuclei in homonuclear diatomic molecules. (Homonuclear means two atoms
of the same element bonded to each other.) The radius of one atom is half the internuclear distance. A second way is to measure the
distance between the nuclei of two atoms in a solid metal, where each atom touches several nearest neighbors. Once a set of atomic
radii has been determined, these values can be used to estimate the lengths of bonds that have not yet been measured.

Figure 3. Atomic radius as a function of atomic number. Click on each “+” for a description of an important trend.

Activity 4: Periodic Variation of Atomic Radii

Day 3 Pre-Class Podia Problem: Quantum Numbers and the Periodic Table
This Podia problem is based on today’s pre-class material; working through that material will help you solve the problem.

In a hypothetical parallel universe, the quantum numbers are defined differently: n, £, and ms obey the same rules as in our
universe, but my cannot have negative values. Thus, a p subshell contains only two p orbitals, a d subshell contains three d orbitals,
and so forth. The energies of the subshells are the same as in our universe. In your notebook, answer each question below and
explain each answer clearly, concisely, and with scientifically appropriate language.

1. Draw a periodic table for the hypothetical universe.

2. Determine the atomic number of the fourth noble gas element.

3. Write the electron configuration of a stable ion formed by element number 6.
4. Write the electron configuration of a stable ion formed by element number 18.

Two days before the next whole-class session, this Podia question will become live on Podia, where you can submit your answer.
Comments. If you found any inconsistencies, errors, or other things you would like to report about this module, please use this link

to report them. A similar link will be included in each day’s material. We appreciate your comments.

This page titled 1.3: Day 3- Orbital Energy and Electron Configuration is shared under a CC BY-NC-SA 4.0 license and was authored, remixed,
and/or curated by John Moore, Jia Zhou, and Etienne Garand via source content that was edited to the style and standards of the LibreTexts
platform.
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Day 4: Periodic Trends; Forces between Atoms

In addition to atomic radius, several other properties vary depending on position in the periodic table. Like atomic radius, these
properties depend on effective nuclear charge and size of atomic shell.

D4.1 Periodic Variation in lonization Energies

The quantum mechanics model for the hydrogen atom (Section D2.4) discussed ionization of the hydrogen atom: excitation of the
electron from the n = 1 level to the limit of n — oo:

—k
AE:E,HOO—Elzo—l—sz:2.179 x 1078 ]

Ionization energy (IE), the minimum energy required to remove an electron from the atomic orbital it occupies (exciting it to n =
), also applies to multi-electron atoms. As shown in this table of ionization energies, there are successive ionization energies, one
for each electron.

The first ionization energy (IE1) is the minimum energy required to remove the least tightly bound electron, i.e. the electron in the
highest energy orbital. It corresponds to the process:

X(g) - X*(g) + e AE = IE,
The second ionization energy (IE7) is the minimum energy required for removing an electron from the 1+ cation, corresponding to:
X*(g) - X*'(g) + e AE=1IE,
And so forth.

Electrons in atoms have lower potential energy than when separated from the atom, so energy is always required to remove the
electrons from atoms or ions. Ionization is an endothermic process and IE values are always positive.

Ionization energies can be determined experimentally from atomic spectra or by shining light on a gas-phase sample and
successively increasing the photon energy until ejection of an electron is observed. Such experiments also give us direct
information about the atomic orbital the electron was occupying.

Activity 1: Periodic Variation of First lonization Energy

In the preceding activity, you developed a general rule that across a period, IE; increases with increasing atomic number, Z; down a
group, IE; decreases with increasing Z. Look at Figure 1 below and make certain you see how the data in the figure support both
trends. There are a few systematic deviations from these trends, which also can be seen in Figure 1.

Activity 2: Deviations from |IE Trends

Examine data presented in Figure 1. Identify all deviations from the trend that ionization energy increases across a period and
decreases down a group. Click on each deviation involving an element in Period 1, Period 2, or Period 3.

Figure 1. The first ionization energies of elements in the first five periods are plotted against atomic numbers.

Activity 3: Explaining Deviations from IE Trends

Another deviation occurs when a subshell becomes more than half filled. For example, oxygen’s IE; is slightly lower than that for
nitrogen. The orbital diagram of oxygen shows that the last electron added (red) is forced to pair with another electron, because the
2p subshell is more than half full.
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Loss of the electron (colored red in the orbital diagram) yields a greater reduction of electron—electron repulsion because there are
no longer two electrons in the same orbital. This makes it easier to lose one electron from O and the ionization energy is smaller
than expected. The same explanation applies to the dip for sulfur after phosphorus in Figure 1.

Looking at the successive IEs in the appendix, we see that for any element, IE; < IE, < IE5, and so forth, and this is due to the
greater Z.g in successively more positive ions. However, sometimes the increase in successive IE is larger than expected. For
example, consider the data in Table 1:

Element 1IE,; IE, 1E; IE4 IEs IE¢ 1E;

K 419 3069 4438 5876 7975 9620 11385
Ca 590 1145 4941 6465 8142 10496 12350
Sc 633 1244 2388 7130 8877 10720 13314
Ga 579 1982 2962 6194 8299 10874 13585
Ge 760 1537 3301 4409 9012 11183 13981
As 947 1949 2731 4834 6040 12302 14183

Table 1. Successive Ionization Energies (IEs) for Some Period-4 Elements (kJ/mol)

Activity 4: Successive lonization Energies

These observed ionization energies are consistent with the idea of valence electrons—electrons in outer shell(s) that are less bound
and more energetically accessible, allowing them to participate in chemical transformations.

D4.2 Periodic Variation in Electron Affinities

Electron affinity (EA) is defined as the change in energy when an electron is added to an atom to form an anion. The first EA
corresponds to adding one electron to an atom:

X(g)+e - X (g) AE=EA;

Many elements have negative EA;, which means that the energy of the 1— anion is lower than the energy of the atom plus the free
electron; that is, the anion is more stable.

For other elements, EA; is positive, meaning that the anion is less stable compared to the parent atom plus a free electron. For these
elements, an input of energy is required to form the anion, and, in the gas phase, the anion dissociates to yield the neutral atom and
a free electron because the latter are lower in energy.

Activity 5: Electron Affinity Trends

D4.3 Electron Configurations of Monoatomic lons

When atoms lose electrons or gain electrons, Ions form. It is useful to know what kinds of ions form and what their properties are.
A monoatomic ion is a single atom that has gained or lost one or more electrons. A positively charged ion, a cation, forms when
an atom loses one or more electrons. A negatively charged ion, an anion, forms when an atom gains one or more electrons.

Nonmetallic elements on the far right side of the periodic table (except the noble gases) have higher ionization energies and more
negative electron affinities. It is energetically more favorable for them to gain electrons and form anions and less energetically
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favorable for them to form cations. For example, elements in groups VIIA, VIA, and some in VA can gain 1, 2, or 3 electrons,
respectively, to achieve the electron configuration of a noble gas (a full octet, s’p® in the outermost shell).

Metallic elements on the left side of the periodic table have lower ionization energies and less negative (or positive) electron
affinities. It is energetically more favorable for them to form cations. For examples, elements in groups IA, IIA, and IIIA can lose
1, 2, or 3 electrons, respectively, to achieve a full octet (plus additional filled d and f subshells).

To find the ground state electron configuration of a monoatomic ion, start with the electron configuration of the corresponding
atom and remove (or add) an appropriate number of electrons from (or to) the valence orbital(s) of the atom. Here are some
examples:

K([Ar]4s') — K¥([Ar]) + e
Ga([Ar]3d"4s%4p") — Ga3*([Ar]3d"") + 3e
O(15%25°2p*) + 26 — 0% (15°25%2p° or [Ne))

When transition elements and inner transition elements form cations, electron(s) in the outer-most shell (largest n) are removed
before any d or f electrons. For example, when Fe loses two electrons to form Fe2", the two 4s electrons are lost:

Fe([Ar]3d°4s”) — Fe?*([Ar]3d®) + 2e
This happens because electrons in the 3d subshell are very effective at screening the 4s
electrons from the nucleus but much less effective at screening each other. Quantum
mechanics calculates that the effective nuclear charge experienced by a 4s electron in Fe is
2.1, while the effective nuclear charge experienced by a 3d electron is 4.3. After 4s electrons
have been removed, some 3d electrons can also ionize. Here are more examples:
V([Ar]3d®4s%) — V>*([Ar]) + 5e
Re([Xe]4f'*5d°6s?) — Re?*([Xel4f1*5d°) + 2e”

Exercise 3: Electron Configurations for Monoatomic lons

In your notebook write the correct electron configuration for each ion listed here:

Sr?* Te?~ A" Fe3* Nd**

Ions and atoms that have the same electron configuration are isoelectronic. For example, the isoelectronic Na*, Ne, and F~ all have
ground state electron configuration of 1s?2s?2p® (or [Ne]). For main-group elements, the most commonly formed ions are
isoelectronic with a noble gas; that is, these ions have complete octets.

D4.4 Unpaired Electrons and Magnetism

One way chemists have discovered information about electron configurations of ions involves magnetism. You are probably
familiar with refrigerator magnets, iron magnets, or neodymium (rare earth) magnets. These exhibit ferromagnetism, a strong
attraction to a magnetic field that is easily observable and sometimes can be made permanent. All substances exhibit
diamagnetism, a very weak repulsion from a magnetic field that can only be observed in extremely large magnetic fields. Because
diamagnetism is so weak, it is usually too small to notice.

In addition to diamagnetism, some substances also exhibit paramagnetism, an attraction to a magnetic field that is not as strong
as ferromagnetism but much stronger than diamagnetic repulsion. Paramagnetism arises due to the presence of unpaired electrons.
Each electron has a tiny magnetic field; that is, each electron is a tiny magnet. When a macroscopic magnet comes near a
paramagnetic substance, most of the unpaired electron magnets align with the magnetic field, causing the substance to be attracted
to the magnet (Figure 2).
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Figure 2. Paramagnetism. A. In the absence of a magnetic field, unpaired-electron magnetic moments (arrows) are oriented
randomly in all directions. B. In a magnetic field, magnetic moments orient in the same direction as the field, except for a few that
orient in the opposite direction. The substance is attracted to a magnet, but not as strongly as a ferromagnetic substance. When the
magnetic field is removed, the electron magnetic moments revert to the random arrangement in part a.

Figure 3 shows how ferromagnetism differs from paramagnetism.

Figure 3. Ferromagnetism. In a ferromagnetic substance, all atoms within a region (called a magnetic domain) have their electron
magnetic moments aligned the same way. A. In the absence of a magnetic field, the domains are randomly oriented. B. In a
magnetic field, all domains (and all electron magnetic moments) align with the field. Because all moments align with the field, the
substance is strongly attracted to a magnet. When the magnetic field is removed, the domains may remain aligned (resulting in a
permanent magnet) or they may revert to the random orientation of domains.
When electrons are paired in an orbital, their opposite magnetic moments create opposite magnetic fields that cancel each other:
substances with all electrons paired are neither paramagnetic nor ferromagnetic. They exhibit only diamagnetism and are said to be
diamagnetic. For example, argon has a ground state electron configuration of 1522s*2p®3s23p®, where each subshell is full and each
orbital therein contains a pair of electrons with opposite spins. Hence, a sample of argon is diamagnetic.

Paramagnetic and diamagnetic materials do not act as permanent magnets. A magnetic field is required to align the magnetic
moments and make them magnetic. The magnitude of paramagnetism can be measured by weighing a sample with a highly
sensitive balance and then weighing it again with a strong magnet just below the sample. A sample that is attracted to the magnet
appears heavier because the magnet attracts it downward. The increase in apparent weight is proportional to the number of unpaired
electrons.

Activity 6: lonization of Transition Metals

D4.5 lonic Radii
Tonic radius is the radius of a sphere representing a cation or an anion; it can be determined from structures of ionic crystals.

Cations have fewer electrons than the uncharged atoms from which they are derived. Hence, there is less electron-electron
repulsion (that is, larger Z.g), which makes a cation’s radius smaller than the corresponding uncharged atom’s radius. For example,
the atomic radius of Al ([Ne]3s?3p') is 143 pm, which is more than twice as large as the 68 pm ionic radius of AI** ([Ne]). Often,
as in the case of Al, formation of a cation involves removal of all electrons from the outermost shell of an atom, which means the
remaining electrons are in a smaller shell—another reason why cations are smaller than the atoms from which they form.

For the same element, cations with larger positive charges are smaller than cations with smaller charges. For example, V2" has an
ionic radius of 93 pm, while that of V3* is 78 pm. (An uncharged V atom has an atomic radius of 135 pm.)

Anions have more electrons and therefore greater electron-electron repulsion (that is, smaller Zg) than the neutral atoms from
which they are derived. Thus, an anion’s radius is larger than the parent atom’s radius. For example, the ionic radius of S
([Ne]3s%3p®) is 170 pm, larger than the 104 pm atomic radius of S ([Ne]3s23p®).

Periodic trends in radii of a set of anions (or cations) with the same charge are similar to the atomic-radius trends. For instance,
proceeding down a group, radii of 1+ cations generally increase as atomic number increases, corresponding to the increase in the
principal quantum number, n.
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For isoelectronic species (ions or atoms with the same electron configuration, Section D4.3), the greater the nuclear charge
(number of protons), the smaller the atomic/ionic radius. This implies that isoelectronic anions are larger than the neutral atom
which is larger than the cations.

In Days 2 and 3 and above, we have discussed atomic structure and electron density as well as periodic trends in effective nuclear
charge, size of atoms, ionization energies, and electron affinities. All of these are central to understanding properties and chemical
reactivity of the elements. Next, we apply those ideas to the noble gases and to metals.

Applying Core Ideas: Two Similar Atoms, Two Very Different Substances

Section D1.5 introduced the idea that atoms, molecules, and oppositely charged ions attract and that their potential energy can
be described by a curve that starts at zero when the particles are far apart, falls to a minimum, and increases when the particles
are very close together. The depth of the minimum in such a curve can be related to physical properties such as boiling points,
because atomic-level particles gain energy as temperature increases.

Consider the boiling points of the first five noble gases in the table below.

Noble Gas Atomic Number Atomic Radius (pm) Boiling Point (K)
He 2 31 4.22
Ne 10 68 27.1
Ar 18 91 87.4
Kr 36 108 119.9
Xe 54 126 165

Based on the boiling point data, for which noble gas is the attraction between particles greatest? Which noble gas has the
deepest minimum in its curve of potential energy vs distance between atoms? In your notebook, answer these questions. Then
use one set of axes and sketch the potential-energy curve for each of the five noble gases in the table, describe the curves in
words and explain why you drew the curves as you did.

Based on the experimental data and the curves you drew, correlate the size of the attraction between atoms with the number of
electrons and the size of each atom. Write several sentences in your notebook describing the correlation.

Now consider iron, which has atomic number 26 and atomic radius 126 pm (the same radius as Xe, but fewer electrons). Based
on this information, sketch the potential energy curve for iron atoms on the graph you made for the noble gases. Describe the
curve in words and explain why you drew the curve as you did.

Does what you predicted for iron make sense?

D4.6 Forces Between Atoms

Based only on experimental data for noble gases, one might predict that iron would be a gas at room temperature, but iron is a
solid. Attractive forces between iron atoms must be a lot stronger than attractive forces between noble-gas atoms. To make sense of
the difference between xenon and iron, we need a better model for forces between atoms.
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(a) On average a xenon atom’s electron
density is symmetric around its nucleus.

(b) The xenon atom’s electron density can briefly
shift to the right. This forms a dipole with
excess negative charge on the right side and
excess positive charge on the left.

(c) If a second Xe atom is nearby, the second atom’s electron density is affected
by the unsymmetric electron density of the first atom. The second atom is induced
to becom a dipole. The two dipoles attract because excess negative charge in the

left dipole is close to excess positive charge in the right dipole. Figure 4. Simplified

explanation of attraction between two Xe atoms.
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Let’s begin by thinking about attractions between xenon atoms. On average the electron density distribution of the 54 electrons
surrounding a xenon nucleus is spherically symmetric. That is, no matter which direction you go from the nucleus, the electron
density is the same at the same distance from the nucleus. However, there can be very brief deviations or fluctuations from this
average. In 1928 German-American physicist Fritz London used quantum mechanics to show how such fluctuations could lead to
attractive forces between atoms and other atomic-scale particles.

Here is a simplified explanation using a Xe atom as an example. Consider a fluctuation in which there is slightly more electron
density on one side of the nucleus than on the other. Such a brief deviation creates a dipole, a distribution of electric charge where
one side is more positive and the other side is more negative. The dipole only occurs for an instant and is therefore called an
instantaneous dipole. This is shown in Figure 4, parts a and b, where §" and §~ indicate tiny fractions of the charge of an electron.

If a second Xe atom is close to the first one when the instantaneous dipole forms, for example, on the right of the first one as in
Figure 4, part c, the excess negative charge on the right of the first Xe atom repels the electrons on the second Xe atom. This forms
a second dipole, again for only an instant. The second dipole is said to be induced by the first one. The positively charged end of
the second dipole is attracted to the negatively charged end of the first dipole. For the instant that the dipoles exist, there is a weak
attraction between the two atoms.

These weak attractive forces due to instantaneous fluctuations in electron density are called London dispersion forces; we will
often refer to them as LDFs. LDFs are present between all atomic-scale particles: atoms, molecules, and ions. The size of the
attractive force depends on the number of electrons in a particle and how easily the electron density distribution can be distorted
from its average shape.

Activity 7: LDFs and Noble Gas Boiling Points

DA4.7 Metals

Based on iron’s boiling point of 3135 K (2862 °C), the forces between iron atoms must be much greater than just LDFs. What you
have already learned about atomic structure, effective nuclear charge, and valence electrons can be used to make sense of the much
larger forces that attract iron atoms, as well as atoms of other metals.

Metals, which include most of the elements in the periodic table (Figure 5), have characteristic macroscopic properties: they
conduct heat and electricity well when they are solids or liquids; they have lustrous (metallic-looking) solid surfaces; and they
deform, rather than shatter, when hammered (they are malleable). Many metals are hard, quite strong, and useful as construction
materials. What gives rise to these characteristics?

°

g Group Periodic Table of the Chemical Elements
o 1(A) 18 (VIIIA)
1 2
1. H He
E008 2 (IIA) Atomic number — 1 13 (IIA) 14 (IVA) 15 (VA) 16 (VIA) 17(VIIA)m
cora| H <—— Element symbol 5 6 7 8 [ 9 [ 10 |
2 Li Be Atomic weight —t 1.008 B Cc N o F Ne
6.94  9.012 10.81  12.01 1401 16.00 19.00 20.18
o2 | Metals | |Meta||oids| S IS (I O A
s Na Mg Nonmetals | Al Si P S cl Ar
2zl | 205 3(mB) 4(vB) 5(vB) 6(VIB) 7(VIB) 8(VINIB) 9 (VIIB) 10 (VIIB) 11(IB) 12 (IB) 2o | 28 | sluer | szl | es s | sl
19 20 21 22 23 24 25 26 27 28 29 30 31 32 33 34 35 36
4 K Ca Sc Ti \' Cr Mn Fe Co Ni Cu Zn | Ga Ge As Se Br Kr
39.10 | 40.08 4496 47.87 5094 5200 5494 5585 58.93 5869 63.55 6538  69.72 | 72.63 | 74.92 || 78.97 | 79.90 | 83.80
37 38 39 40 41 42 43 | 44 | 45 | 46 || 47 || 48 49 50 51 52 53 54
5. Rb | Sr Y Zr Nb Mo Tc Ru Rh Pd Ag Cd |In Sn Sb Te I Xe
8547 | 87.62 88.91 9122 9291 9595 (98) 1011 1029 1064 107.9 1124 1148 1187 1218 1276 1269 1313
55 56 71 72 73 74 75 76 77 78 79 80 81 82 83 84 85 86
6 Cs | Ba Lu Hf Ta W Re Os Ir Pt Au Hg TI Pb | Bi Po | At Rn
132.9 | 137.3 175.0 178.5 180.9 183.8 1862 1902 1922 1951 197.0 200.6 | 204.4 | 207.2 | 209.0 | (209) | (210) | (222)
87 | 88 | 103 104 105 106 107 108 | 109 110 111 112 113 114 115 16 |[ 117 || 118 |
7 Fr | Ra Lr Rf Db Sg Bh Hs Mt Ds Rg Cn Nh FlI Mc Lv Ts Og
(223) | (226) (262) (267) (268) (271) (270) (277) (278) (281) (281) (285) | (286) | (289) | (290) | (293) | (294) | (294)

57 58 59 60 61 62 63 64 85 66 67 68 [ 70
La Ce Pr Nd Pm Sm Eu Gd Tb Dy Ho Er Tm Yb
138.9 1401 1409 1442 (145) 1504 152.0 157.3 158.9 162.5 1649 167.3 168.9  173.1

89 | 90 91 92 93 94 1 95 96 | 97 | 98 99 | 100 101 102
Ac Th Pa U Np Pu Am Cm Bk Cf Es Fm Md No
(227) 2320 2310 2380 (237) (244) (243) (247) (247) (251) (252) (257)  (258) (259)
Figure 5. In this periodic table metals are colored gray, metalloids (intermediate between metals and nonmetals) are colored pink,
and nonmetals are colored gold.
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Metallic substances are made of atoms whose valence electron(s) can be removed with relatively low quantities of energy; that is,
elements with relatively low ionization energies. Valence electrons of metals experience lower effective nuclear charge than
valence electrons of nonmetals; hence, metals tend to form positive ions and nonmetals tend to form negative ions.

In a metallic solid, atoms are packed closely (Figure 6). One model describes solid metals at the atomic scale as atoms surrounded
by mobile valence electrons—a so-called “sea” of electrons. Each “atom” consists of the nucleus and core electrons; that is, a
positively charged ion that has lost all its valence electrons. The loosely-bound valence electrons are shared (delocalized) among
many different atoms. Electrostatic attractions between the sea of shared valence electrons and the metal ions is known as metallic
bonding. The strength of metallic bonding increases as the number of valence electrons shared in the electron sea increases.
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Copper atems shown as Copper core electrons and
closely packed spheres. nuclei in a sea of valence
electrons (pale blue).

Figure 6. Models of solid copper. In solid copper Cu atoms are packed closely in a 3-D cubic pattern (left). Metallic bonding
involves a sea of valence electrons surrounding the nucleus and core electrons of each copper atom (right).
Because the valence electrons are delocalized over many metal atoms, if one atom moves relative to others, the attraction between
valence electrons and atomic cores remains; that is metallic bonding is not specific to a particular direction. This characteristic
accounts for many of the observed physical properties of metals.

Activity 8: Metallic Bonding

Day 4 Pre-Class Podia Problem: Chemical Combinations
This Podia problem is based on today’s pre-class material; working through that material will help you solve the problem.

When nonmetals combine with other nonmetals, compounds form with subscripts that are small whole numbers, such as CO and
CO,. When metals combine with nonmetals, formulas of compounds are analogous, such as FeCl, and FeCl;. When metals
combine with other metals, however, they form alloys, substances that have metallic properties but can consist of many different
compositions. For example, sodium and potassium can form alloys in which the ratio of sodium atoms to potassium atoms varies
from all sodium to all potassium. Thus, if you wrote a formula for sodium-potassium alloy as Na,K, x could have any value from
zero to infinity.

Think about why metals should be different in this way. Then write an explanation for the different behavior.
Two days before the next whole-class session, this Podia question will become live on Podia, where you can submit your answer.
Comments. If you found any inconsistencies, errors, or other things you would like to report about this module, please use this link

to report them. A similar link will be included in each day’s material. We appreciate your comments.

This page titled 1.4: Day 4- Periodic Trends; Forces between Atoms is shared under a CC BY-NC-SA 4.0 license and was authored, remixed,
and/or curated by John Moore, Jia Zhou, and Etienne Garand via source content that was edited to the style and standards of the LibreTexts
platform.
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1.5: Day 5- lonic Compounds; Covalent Bonding

5

Day 5: lonic Compounds; Covalent Bonding

Applying Core ldeas: Two Substances, Some Similarities, Some Big Differences

iron

Compare iron, which melts at 1811 K (1538 °C), and calcium fluoride, which melts at 1691 K (1418 °C). Are the forces
between atomic-level particles similar in iron and calcium fluoride? Write in your notebook an explanation of your answer to
this question.

Consider some other properties of iron and calcium fluoride.
Iron has typical metallic properties: pure solid iron has metallic luster, is malleable, and conducts electricity.

Calcium fluoride has significantly different properties: as a solid it is brittle, does not look metallic, and does not conduct
electricity; when molten, calcium fluoride does conduct electricity though.

It appears that these two substances have similar attractions between atomic-level particles, but quite different properties. We
need a better atomic-scale model to make sense of these differences.

D5.1 lonic Compounds

In metals, which have low effective nuclear charges (and low ionization energies), it is relatively easy to form positive ions within a
sea of electrons so that attractions among the ions and the electrons hold the atoms together. What happens when an atom with a
low ionization energy interacts with an atom with a large negative electron affinity? In such a case, transfer of one or more
electrons from the atom with the low ionization energy to the one with the high electron affinity can be energetically favorable. For
example, consider transfer of an electron from a Li atom to a F atom to form a cation and anion close together: an ion pair, Li*F~.

Activity 1: Analyzing Formation of an lon Pair

From the activity above, you’ve worked out that the formation of the ion pair is associated with a negative AE: the joined ion pair
is lower in total energy (more stable) than the two atoms from which it formed.

The gain and loss of electron(s) in forming an ion-pair typically results in a full octet for the cation and anion. For example:
Na([Ne]3s") + CI([Ne]3s’3p>) — Na*([Ne]) + CI ([Ar])
Mg([Ne]3s%) + O(15°25%2p*) — Mg?*([Ne]) + O*([Ne])
Ca([Ar]4s?) + 2F(1s225%2p°) — Ca?*([Ar]) + 2F ([Ne])

When a large number of ions form, anions and cations form a structure, called an ionic crystal lattice, where there are equal
numbers of anions and cations (so there is zero total electric charge); in the lattice each anion has several cations as its nearest
neighbors, and each cation has several anions as its nearest neighbors (see example in Figure 1). This arrangement maximizes
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anion-cation attractions (smaller r results in lower Coulomb’s law energy) and minimizes anion-anion and cation-cation repulsions
(greater r between anions and between cations). A compound made up of anions and cations is called an ionic compound and the
overall attraction making an ionic crystal lattice stable is called ionic bonding.

Figure 1. Ionic crystal lattice. Cations (smaller spheres) and anions (larger spheres) are arranged so that there is a net attraction
that makes the collection of ions stable. Move the slider to change the diameters of the ions and show lines indicating the lattice.
(This is a small section of the lattice, which extends millions of times farther in all three dimensions.)

For example, when sodium cations (Na*) and bromide anions (Br~) come together, the crystal lattice of the compound sodium
bromide, Figure 1, contains one Na* (green) for each Br~ (violet). The chemical formula representing the part of the lattice shown
in Figure 1 is NaysBrys because there are 75 Na™ and 75 Br™ ions. The actual crystal is much larger so the subscripts in the formula
of a real crystal would be huge. A formula unit is a group of chemical symbols that indicates the smallest whole number ratio of
ions of each kind that make up the substance, and is typically used as the formula for ionic compounds. Thus, the formula unit (and
the formula) for sodium bromide is NaBr.

All chemical substances are overall electrically neutral. Thus, in an ionic compound, the positive charge from all the cations must
equal to the negative charge from all the anions. In other words, the subscripts in a formula unit of an ionic compound must result
in equal quantities of positive and negative charges. If we know the charges of the ions, then we can write the formula.

Activity 2: Predicting Chemical Formulas

Some ions consist of a group of atoms with an overall charge. Examples are sulfate dianion, SO4*, dihydrogen phosphate anion,
H,PO,4 ", and ammonium cation, NH,". It is quite useful to be able to recognize such polyatomic ions and their charges. If you need
to refresh your knowledge of polyatomic ions, use the reference table as you do the next two exercises.

D5.2 Lattice Energy

Refer back to Activity 1. The third step involved bringing one Li* ion close to one F~ ion, which lowered the energy. When a large
number of oppositely charged ions are brought close together to form a crystal lattice (Figure 1), the energy is lowered even more,
because more ions are close together in a structure where attractive forces predominate over repulsive forces.

The lattice energy of an ionic compound is defined as the decrease in energy when the ionic crystal lattice forms from the
separated ions. Lattice energy can be calculated using a modified form of Coulomb’s law; some calculated lattice energies are in
Table 1. (Note that because lattice energy is defined as a decrease in energy, a large positive lattice energy corresponds to a large
negative AE, that is, a very stable (low energy) ionic solid.)

Lattice
Substance Energy

(kJ/mol)
Nal 682
Cal, 1971
Mgl, 2293
NaOH 887
NayO 2481
NaNOj; 755
Caz(POy), 10,602
CaCO3 2804

Table 1. Representative calculated lattice energies. Data from CRC Handbook of Chemistry and Physics (2004).

Lattice energies have a wide range of values depending on which ions make up a compound. Consider, for example, why the lattice
energy increases as you go from Nal, to Caly, to Mgl (first three rows in Table 1).

According to Coulomb’s law,
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T
the lattice energy is directly proportional to the sizes of the charges on the ions and inversely proportional to the distance between
them (the sum of their ionic radii). Thus, we can compare Nal, Cal,, and Mgl, with respect to magnitudes of charges and sizes of

ions.

Magnitudes of Charges: Nal consists of 1+ ions and 1- ions; Cal, and Mgl, consist of 2+ ions and 1- ions.
Because the magnitude of Q;Q> is larger, the lattice energies of Cal, and Mgl should be larger than for Nal.
Sizes of ions: All three compounds contain I anions, so we only need to compare cation radii.

The radii of Ca?* and Na* are similar. This can be estimated from the periodic table: Na* and Ca®" are both smaller than K*, Na*
because it is above K* in the periodic table, and Ca®" because it is isoelectronic with K+ but has more protons in the nucleus. It is
reasonable to assume that the radii are not very different, and the ionic-radius table confirms this: Na* 116 pm; Ca®* 114 pm. Thus,
r is not a major factor affecting lattice energy for Nal and Calj.

The radius of Mg?" is significantly smaller than for Ca?* (and Na") because Mg is directly above Ca in the periodic table and the
ions have the same charge. Thus, Mgl, should have a larger lattice energy than Cal,, which is consistent with the values in the
table.

Activity 3: Comparing Lattice Energies

When looking at Table 1, you may have noticed that lattice energies for compounds containing 2+ and 2- ions are nearly quadruple
those for similar compounds containing 1+ and 1- ions of similar size (compare NaNO; and CaCOs). This observation is
consistent with the general rule that lattice energies are highest for substances with small, highly charged ions.

D5.3 Properties of lonic Compounds

The physical and chemical properties of an ionic compound are determined by the ions that that constitute the compound. The
compound’s properties are quite different from the properties of the elements that reacted to form the compound. For example, both
sodium and chlorine react with water, but sodium chloride (NaCl) dissolves in water without reacting. In other words, sodium ions
and chloride ions do not react with water, but sodium atoms and Cl,molecules do.

https://mediaspace.wisc.edu/id/0_zns...&st=137&ed=154

Figure 2. Sodium reacts vigorously with water, producing a gas and making the water basic (as indicated by the pink color of
phenolphthalein in the water). Adding sodium ions to water, in the form of table salt, NaCl, is much less exciting!

Tonic compounds have many physical properties in common:

o they usually have melting points and boiling points well above room temperature.

o they are crystalline solids with distinct crystal shapes

o they are brittle, will shatter if struck by a hammer, and can easily be cleaved (cleave means to break along smooth planes, as
shown in this video).

o they are electrical insulators when solid but conduct electricity when molten (liquid). (See this video.)

¢ when an ionic compound dissolves in water, the solution conducts electricity much more effectively than pure water.

Because all ionic compounds have similar properties, it is useful to be able to identify an ionic compound from its chemical
formula. In general, ionic compounds contain cations of metals from the left side of the periodic table and anions of nonmetals
from the right side of the periodic table. If a compound’s chemical formula contains a polyatomic ion, then the compound is an
ionic compound.

The properties of ionic compounds can be interpreted in terms of ions. In the solid phase, ions are essentially fixed in their
positions in a crystal lattice. Lattice shapes depend on the number and type of ions in the formula, but each lattice has a distinctive
shape that results in the lowest energy (maximum lattice energy). Because distances between ions are small, lattice energies are
large. It requires a lot of energy to overcome attractions among the ions, making the crystal hard. The lattice shape is related to the
shape of the macroscopic crystal. When a crystal cleaves, the cleavage 